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Preface

Organic electrochemistry is concerned with the reduction and oxidation of organic molecules at
electrodes. Although the electrochemical community has just celebrated the 200th anniversary of
the discovery of the Volta pile, it wasn't until 1830-1850 that the investigation of organic electro-
chemical processes, pioneered by Faraday and Kolbe, was established as a research area in its own
right. Toward the end of the 19th century, investigators such as Tafel and Haber made significant
contributions to the knowledge of organic electrode processes. Haber, for instance, in his now
famous paper on the reduction of nitrobenzene (Z Elektrochem 4:506, 1898), recognized the sig-
nificance of the electrode potential in the following words: “Oxydations- und Reduktionsprozesse
hingen in erster Linie von dem Potential der Elektrode ab, an welcher sie ablaufen, und Stromdichte,
Stromdauer und Elektrodenmaterial sind nur insofern bedeutsam, als sie das Elektrodenpotential
und seine Anderungen im Gang der Elektrolyse bestimmen.” The application of electrolysis as a
means of preparing organic compounds continued in the first half of the 20th century.

The results were summarized by Fichter in his useful book Organische Elektrochemie in 1942. This
development took place along with the invention of new electroanalytical techniques for the study of
electrode processes. for instance, polarography at the dropping mercury electrode introduced by
Heyrovsky in the early 1920s. Other important contributions were made by Lingane, Kolthoff,
Laitinen, and Delahay.

Most of the work reported before the Second World War was carried out in aqueous electrolyte
solutions. Since 1945 the focus has shifted to include the application of nonaqueous solvents. This
has allowed for the detection of the primary intermediates, typically radical anions and radical
cations, and for the study of their reactions. The theoretical foundations, for the analysis of kinetics
and mechanisms by, for instance, cyclic voltammetry and related techniques were mostly published
in the 1960s and 1970s. The application of such techniques has resulted in a steadily increasing
understanding of the kinetics and mechanisms of organic electrochemical processes. The current
trend is to return to water-like conditions reflecting the need to substitute organic solvents with
environmentally friendlier electrolyte systems.

Given that thousands of organic electrochemical processes are now known, it is amusing (or
depressing, depending on one’s outlook) to notice that most often the only electrochemical reaction
to be mentioned in a typical organic chemistry textbook is the oxidation of an organic carboxylic
acid R-COOH to the dimeric alkane R-R and CO,, published by Kolbe in 1849. Also, it is usually
overlooked that, for example, dissolving metals reductions involving radical anions as intermediates
and cathodic reductions are intimately related. And most frequently, radical cations are not men-
tioned at all, except. of course, in the context of mass spectroscopy! The difficulties that organic
electrochemistry has had in penetrating into the organic chemistry curriculum was pointed out in the
preface to the first edition of this book. Unfortanetely, not much has changed in the nearly 30 years
since.

Although the knowledge of organic electrochemistry was still accumulating rapidly in the 1960s
and 1970s, the field had at that time matured to the point where the time was ripe for the first edition
of Organic Electrochemistry which appeared in 1973. The editor was Manuel M. Baizer, well known
for his contributions to preparative organic electrochemistry, his foremost achievement being the
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development of the electrohydrodimerization of acrylonitrile into a highly successful industrial
process for the manufacture of adiponitrile. Baizer set the standards for the book, which was
organized to include chapters both on the electrochemical reduction and oxidation of specific classes
of compounds and on specific types of electrode processes. This approach obviously led to some
overlap, a problem that Baizer touched on: “It has become routine, at least for reviewers, to point
out that in a multi-authored book there is overlap of material, nonuniformity of style, repetition, etc.
This book was not hastily assembled, and there was adequately time to achieve uniformity if that had
been desired. But the material was deliberately organized so that a given segment might appear in
two or more contexts and, further, where unanimity of opinion does not exist, more than one current
viewpoint might be expressed.” The same basic philosophy was followed in the organization of the
second (1983) and third editions (1991), and now in this fourth edition. Although it may sound
pretentious, we believe it is fair to say that Organic Electrochemistry has been established as the
introduction to the field and numerous students of organic electrochemistry have been told by their
supervisors to “look it up in Baizer”” when information about a particular electrochemical reaction
was needed.

The past ten years of progress in organic electrochemistry are reflected in this new edition. The
basic mechanism of many important processes are now known and this has made possible more
general presentations of the reaction details. In comparison with the third edition, the following
major changes have been made: Two new chapters have been included: ““The Electrochemistry of Cgq
and Related Compounds™ by L. Echegoyen and L. E. Echegoyen and “Electroenzymatic Synthesis™
by E. Steckhan. Approximately one-third of the chapters have been rewritten by new authors,
including: ““Carbonyl Compounds™ by J. Grimshaw, “Anodic Oxidation of Oxygen-Containing
Compounds™ by G. W. Morrow, “‘Anodic Oxidation of Sulfur- and Selenium-Containing
Compounds™ by H. Viertler, J. Gruber, and V. L. Pardini, “Electrosynthesis of Bioactive
Materials (formerly “Natural Products and Pharmaceuticals’™) by R. D. Little and P. Mikesell,
“Organoelemental Compounds™ by J. Yoshida and S. Suga, “Reductive Coupling” by M. F.
Nielsen and J. H. P. Utley. “Electrochemical Partial Fluorination” by T. Fuchigami,
“Electrogenerated Bases” by J. H. P. Utley and M. F. Nielsen, “Industrial Electroorganic
Chemistry by H. Piitter, and “Conducting Polymers™ by J. Heinze. All other chapters have been
thoroughly revised or, rewritten, and topics of diminished relevance have been omitted.

Altogether, the fourth edition contains 32 chapters written by 29 authors. Two of the authors,
Lennart Eberson and Eberhard Steckhan, most unexpectedly and untimely passed away in February
2000. In their deaths the electrochemical community has lost two great scientists and those who
knew them well have lost two dear friends. We will remember their contributions to the present and
previous editions of this book with respect.

The authors and the editors have strived to maintain the high standards of the previous editions;
we hope that we have succeeded. We wish to thank the authors for the enthusiasm with which they
have undertaken the enormous task of making this fourth edition possible.

Henning Lund
Ole Hammerich
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Basic Concepts

Christian Amatore
Ecole Normale Supérieure, Paris, France

A te convien tenere altro viaggio ...
Ché questa bestia, per la qual tu gride,
Non lascia altrui pasar per la sua via,
Ma tanto lo impedisce, che I'uccide ...
Dante, Divina Commedia

I. Introduction
II. Fundamental Aspects of Electron Transfer Reactions
A. Oxidation-reduction reactions versus electron transfer reactions in organic
chemistry and electrochemistry
B. Standard potentials: What they mean and what they do not mean
C. Mechanism and theory of outer sphere electron transfer reactions
III. Fundamental Aspects of Electrode Phenomena
A. Monitoring a half-reaction: The electrochemical cell
B. General overview of an electrode reaction
C. Kinetics of heterogeneous electron transfers
D. Adsorption phenomena
E. Coupled chemical reactions
IV. Mass Transfer in Electrochemistry
A. Fundamental aspects of mass transfer processes
B. Steady-state electrochemical methods: Half-wave potential E,
C. Transient electrochemical methods
References and Notes

. INTRODUCTION

Our objective in this chapter is to familiarize organic chemists with fundamental electro-
chemical concepts that support several aspects of organic electrochemistry elaborated in this
book, as well as many important features of electron transfer reactions. In fact, although the
term “‘electrochemistry’” evokes for most readers the idea of chemistry at electrodes, in our
opinion electron transfer chemistry constitutes a better definition when organic or organo-
metallic electrochemistry is concerned. This is particularly obvious when one thinks of an

1



2 Amatore

electrode as a macrosized molecule whose ability to provide or accept electrons may be
precisely adjusted by fine-tuning of the electrode potential. Similarly, electrochemical reac-
tions involving specific interactions with the electrode material are no more than the analogs
of inner sphere, ion-pairing, or complexation reactions. Thus, in many respects, electro-
chemical reactions do not differ basically from their homogeneous counterparts. This is
even more true insofar as it concerns the chemical reactivity of electrogenerated intermedi-
ates, since they evolve in conditions that a priori do not differ from those considered in
homogeneous chemistry. Indeed, the extraordinarly large electric fields (of magnitude com-
parable to those at the origin of storm lightning) drop to negligible values within a few
angstroms of the electrode surface, in contradiction to generally held ideas. Thus as soon as
molecules have moved over a few molecular diameters from the electrode surface, they
probe no special electrical effects associated with their electrochemical origin. This is an
important point, although not well recognized or publicized, since it permits an easy trans-
position of electrochemical results to homogeneous situations, or vice versa.

Yet there are specific particularities of chemistry at electrodes. They both arise from
the fact that electrodes supply and accept electrons to and from molecules dissolved in a
solution. This has two important consequences dealing with mass transfer (i.e., transfer of
the reagents from the homogeneous volumic space and to the heterogeneous two-dimen-
sional surface) and with current transport across the solution.

Transport of the current through the solution requires that rather conductive media
be used, at least when high currents are considered. This is an obvious disadvantage of
electrochemical methods, although in our opinion it is fully compensated by the extra-
ordinary advantage of a precise adjustment of the driving force via the electrode potential.

Mass transfer from a volumic homogeneous region, the bulk solution, to a two-
dimensional surface results in a spatial structuring of solutions in the close vicinity of the
electrode surface. Although such effects are not specific to electrochemistry,” they may be
thought of at first, as additional difficulties to cope with in electrochemistry. However,
these spatial structurings may be used with considerable advantage to control the chemical
route followed by a given intermediate and force it into a pathway that would never be
followed under homogeneous conditions. Indeed, this is used in most electrochemical
reactions, especially in indirect reductions or oxidations, in which the proper choice of
the electron transfer mediator or of the electrogenerated reagent precursor is crucial to the
success of a particular reaction. In fact, the conscious (or even subconscious) use of spatial
structuring of solutions is not a privilege of electrochemists: nature uses the same phe-
nomenon in most of its reactions, as in the proton transfer “pump” crucial to ATP
synthesis or in the photosynthetic chain.

From our experience the largest difficulty (or activation barrier) that “homogeneous
chemists” encounter in trying to deal with the electrochemical literature is directly related
to electrochemical jargon rather than to fundamental concepts. Although electrochemistry
was born as a synthetic method (by Kolbe, Haber, and Fichter, among others), most
electrochemical textbooks use an analytic approach to these fundamental concepts. As a
result, mathematical formulations and jargon invade most of the presentations, which
often results in an effect similar to the caveat at the entrance of Dante’s Inferno:

* . . . . .
They intervene as soon as heterogeneous reactants or phase boundaries are involved in the reaction
medium.
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Per me si va nella cittd dolente,

Per me si va nell’ eterno dolore

Per me si va tra la perduta gente ...

Lasciate ogni speranza, voi ch’ entrate.
Dante Alighieri, Divina Commedia

Our point is not to criticize these necessary and worthwhile approaches that give to
electrochemistry its ability to interpret and rationalize on a quantitative basis a large
number of experimental facts that extend far beyond strictly electrochemical domains.
Most of our published work (as well as the latter section of this chapter) advocates our
belief in the usefulness of these physicomathematical approaches, yet we regret that they
may be perceived by nonanalytical chemists as important obstacles in approaching elec-
trochemistry. For this reason, in this chapter we take advantage of the fact that most of
these precise approaches are extremely well exposed in popular electrochemical textbooks
[1] to try to present most of the necessary electrochemical basis in words and concepts
using as much as possible references (or antireferences) to analogous concepts of homo-
geneous chemistry. Thus we hope that this chapter may constitute both a whole and a
guide to further and more specialized readings in electrochemistry. Yet there are three
exceptions, each dealing with kinetic aspects, in which we had to break our resolution. The
first two concern electron transfer theories, and the third relates to electrochemical kinetics
in the presence of follow-up chemical reactions. Although these three points, and their
pertinent derivations, are in our opinion very important for a fine understanding of
electrochemical processes and capabilities, we suggest that the reader not interested in
the mathematical body may skip the equations but nevertheless follow the corresponding
text.

This chapter is divided into three parts. In the first, basic definitions and their
consequences for homogeneous chemistry are presented. The second deals with the funda-
mental aspects of electrode phenomena, whereas the third discusses the problem of mass
transfer at electrodes and its consequences for electrochemical kinetics. The particular
problems and concepts associated with preparative-scale electrolysis are presented in a
special chapter (Chapter 3).

Il. FUNDAMENTAL ASPECTS OF ELECTRON TRANSFER REACTIONS

A. Oxidation-Reduction Reactions Versus Electron Transfer Reactions in
Organic Chemistry and Electrochemistry

1. Oxidation-Reduction Versus Electron Transfer Reactions

In homogeneous chemistry, pure electron transfer reactions are seldom encountered.
Indeed, with the exception of a few examples, electron transfers are often associated
with atom or group transfers. This usually results in a confused notion of the nature of
oxidation-reduction reactions. For example, the reaction of a ketone with sodium in
alcohol to afford the corresponding alcohol, via the sequence in Eq. (1) [2],

N Na N+ —ROH N . Na N _ROH N (1)
/C—O—>/C O—>/C OH—U*/CH O—>/CH OH

is termed a reduction. The same term is used for the Meerwein-Ponndorf-Verley reaction,
which is supposed to involve a concerted cyclic transition state [Eq. (2)] [3.4]:
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\AI/ \AI/
0 4 Eo o o OH ,
I o = | | o — | @
c «~_c C_ c< PN
- ] B el " CH, | Sn

Similarly, reactions of metallic hydrides of aluminum or boron, in which hydride is trans-
ferred to the carbon [Eq. (3) [6] or (4) [7.8]], are also considered reductions [8]:

solv solv H H | H
N . \U:/ - 4_1_\(|: ~ A, _’\(]]:/ /i\IHz__:\T/
AT — [ - /
‘Cl solv solv |Cl’ g H (6] H OH (3 )
\ALiJr Li+/
solv/ Tl\solv solv/ Tl\solv
(6] 0}
S~ — ROH ‘3 V/_
C=—O0 +BH, —> H o, —> H 0 4)
~ * g N =N
H H

Although the preceding four reactions all obey the same stoichiometry for the car-
bonyl-alcohol transformation and thus involve the same variation in the oxidation state of
the carbon atom, they are obviously different. Sodium reduction, in Eq. (1), involves single
electron and proton transfers in a succession of separate steps; conversely, in reactions (2)
through (4), groups or atoms are transferred.

The same confused notions also exist for oxidation reactions, the problem being even
more subtle. For example, permanganate is presented in most introductory textbooks as a
typical oxidant corresponding to the half-reaction in Eq. (5):

MnOj + 5¢ + 8H™ ———= Mn*"+ 4H,0 ®

This, associated with the classic one-electron oxidation of ferrous to ferric salts by per-
manganate, for example, may lead to the implicit notion that permanganate actually
accepts electrons in a similar way as the carbonyl group in Eq. (1). That this is not always
the case in practice is clearly evidenced by the mechanism of alcohol or aldehyde oxidation
by permanganate to ketones or carboxylic acids. Indeed, it is generally accepted that the
mechanism of acidic oxidation of aldehydes by permanganate involves no electron transfer
steps but rather atom transfers as in the sequence of Egs. (6) through (8) (where B™ is one
of the bases present in the reaction medium) to afford the carboxylic acid and an unstable
manganese(V) moiety, which rapidly evolves to MnO, or Mn>" according to the pH of the
solution [9].

R R
C=—=0+H;0" —= C=—O0"H+H,0 (6)
H u
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H H
\ ) \
R—C O R—C—O
o= ] 7)
0O, MnO, O MnO,
H H
NN
g R/| b —> BH+R-CO,H +MnO; 8)
HO MnO,

Similarly, a reaction proceeding through a sequence of one-electron transfers and
chemical steps, such as pinacol formation from a ketone [Egs. (9) and (10)],

R\ R

Na/Ng \ . _ +BH .
C—0 —> C'—O0 C'——OH
- e +B~ - (9)
R’ R’ R’
N N R R R R
. o~ . _ R'\\ //R' BH , | | ,
C*—OH + /C —0 —> cC—C — R'—C—C—R (10)
R R |
on OH OH
~H

can be reversed via a sequence of steps involving atom transfers as in the classic glycol
oxidation to ketones by lead tetraacetate in Egs. (11) through (13) [10]:

C—OH C — 0 — Pb(0A0);
| +Pb(OAC), === | + AcOH (11)
/T —OH /c|: —on
| |
N — OH—Pb(0A), ¢ —o__
| o, | _Pb(OAQ); + AcOH (12)
/<|: —ou /(|: —o
\c|* - oYy \c|: =0
| Pb(OAY, — l + Pb(0AC), (13)
c—o c=o0
<1 d

2. Outer Sphere and Inner Sphere Electron Transfers

The preceding examples, which were purposely restricted to well-known reactions of
carbonyl and related functions, illustrate the large ambiguities associated with oxida-
tion-reduction notions in organic chemistry. As suggested earlier, these ambiguities cer-
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tainly stem from the fact that more attention is given to the overall transformation of one
of the reactants (the substrate) than to the other(s). Indeed, in the ketone to alcohol
reductions described, more interest is devoted to the ketone than to the coreactant [Na,
AI(OR);, LiTAIHZ ., or BH;]. If the complete stoichiometries are considered, it appears
more clearly that all four reactions [Eqs. (1) through (4)] are totally different.

On the other hand, when one thinks in terms of electrochemical reductions or
oxidations, special attention is devoted to the coreactant, that is, to the electrode that
provides or accepts electrons. Thus, in order to discuss or compare electrochemical reac-
tions with their organic analogs, it is of the utmost importance to use more precise terms
than the so inaccurate reduction of oxidation notions. A similar problem has been
addressed in the inorganic and organometallic fields. Indeed, it was early recognized
that oxidation-reduction reactions at metal centers must be classified according to two
types: outer sphere or inner sphere reactions. A typical example of this dichotomy is given
in Egs. (14) and (15), which relate to chromium (II) oxidations by cobalt (III) complexes.

Outer sphere (electron transfer) reaction [11]:

Cr¥+ CoM(NH, Y —> ¥+ co®WH,)Z, . .. (14)
Inner sphere (ligand transfer) reaction [11,12]:
Cr?*+ Co™(NHy)sC1? — cr™ci? + co™NHy)Z, . . . (15)

Besides their relatively It:lose stoichiometries, that the fundamental nature of the reactions
differs is evidenced by the acceleration by a factor of approximately 6 x 10° in the rate
constant when a chlorine ligand is involved in the transition state of the process.

Outer sphere electron transfers correspond to situations in which an electron is
transferred without the necessity of bond formation or bond cleavage between or within
the reactants. The electron is then transferred when the partners are sufficiently close to
allow orbitals of suitable geometries to overlap. The energetic stabilization required is of
the order of lkcal/mol‘l, which is considerably smaller than that corresponding to any
bond formation. The ketone reduction by sodium metal in Eq. (1a) is considered to belong
to this class of electron transfer. Similarly, owing to the usual poor ability of electrodes in
establishing bonds with the electroactive molecules, most of the electrochemical electron
transfers pertain to this group. Interestingly, theories have been developed for outer sphere
electron transfers that allow reasonable predictions of their rate constants and activation
energies (see Secs. II.C and III.C).

Note that this definition does not imply that the products obtained upon electron
transfer must be stable, but only that the electron transfer activation process does not
imply any important molecular rearrangement. Indeed, one or both of the products may
chemically evolve through fast follow-up reactions as in the reaction sequences (1) or (9)
and (10).

Inner sphere reduction or oxidation is normally restricted to bond formation
between the reactants in the transition state. For example, the chromium (II) oxidation
in Eq. (15) has been shown to involve a chloride bridge between the chromium and cobalt
centers as depicted in Eq. (16) [12]:

[Cr?*- -+ Cl- - -Co™(NH;)s ) (16)

The organic chemical reduction-oxidations presented in the reaction sequences (2), (3), (4).
(7), or (11) through (13) belong to this class. Obviously, because an electrode is considered
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able only to supply or accept electrons, this class of reduction-oxidation reactions should
not be observed in electrochemistry. Yet it must be recalled that this is not a very clear-cut
problem since the existence of such group or atom transfer has been invoked to explain the
role of chemical surfaces, or of additives, as in the Kolbe reaction [13].

In our opinion a third class of reduction-oxidation reactions exists, which is not
clearly encompassed by one of the two just mentioned. It corresponds to the cases in
which there really is an electron transfer (i.e., not a group or atom transfer) but the latter
is concerted with bond breaking or formation within one of the reactants. We propose that
the phrase “inner sphere electron transfer”” be used to refer to such situations. A char-
acteristic example of this class is given by the reduction of alkyl halides, represented in Eq.
(17):

RRR'C-X+e — RRR'C*+ X~ (17

Indeed, it is now considered that carbon-halide bond cleavage is concerted with electron
uptake (see Ref. 14 and Chapter 8), that is, that there is no intermediacy of an anion
radical, such as [RR’'R”C — X]~, during the electron transfer [15]. These cases must be
contrasted with those, such as the aryl halide reduction in Eq. (18),

@Cl+e C1—> @-+Cl",etc (18)

in which the electron is taken up (or lost) without drastic molecular rearrangement [14,16],
to afford an anion radical (or a cation radical in oxidations), although the latter may be
extremely short-lived. Formally, the carbonyl reduction in Eq. (1a) should fall in this class
of reaction, since it is usually considered that the sw-carbonyl bond is broken (2b) upon
electron transfer to yield a ketyl anion radical [Eq. (20)].

\C:O - (19)
~

C—O0+e
c—o- (20)

Yet the nature of the bond cleaved, especially when the latter is involved in extended
delocalizations as in aromatic ketones, and the fact that the skeleton of the molecule
remains intact, may explain why these reductions are generally considered as belonging
to the outer sphere class.

From Table 1, which summarizes this discussion, it is seen that outer sphere and
inner sphere electron transfers have their exact analogs in both fields of organic chemistry
and electrochemistry. The third class, that is, inner sphere group transfers, deals with the
peculiar properties of special reactants in organic chemistry or with those of special
electrode materials in electrochemistry.

At this point it should be emphasized that there is a larger body of outer sphere or
inner sphere electron transfer reactions identified and used in electrochemistry, whereas
this class of reactions is less developed in organic chemistry. Conversely, there is an
extensive variety of chemicals designed for specific group or atom transfer in reduction-
oxidation reactions in organic chemistry, but this is an area that is not very developed in
electrochemistry. This certainly originates from the obvious fact that the reductive or
oxidative strength of an electrode can be varied over a wide range and adjusted with
considerable precision because of the easy control of the electrode potential. This advan-



Table 1 Chemical and Electrochemical Reductions or Oxidations in Organic Chemistry

Bond-breaking or Follow-up chemical Examples
formation in the reaction
Designation transition state Chemical Electrochemical
NA _ N _
Outer sphere electron No No Anthracene — Anthracene Anthracene +¢ = Anthracene ~
transfer ¥ +
Yes ArCH; + Fe"™ = ArCH;, + Fe'  ArCH,; —e = ArCH,
ArCH, + base — ArCH;, --- ArCH, + base —ArCH;, -
Inner sphere electron Within reactants Frequent Waurtz reaction RX+e—R" +X™
transfer
Group or atom transfer Between reactants Meerwein-Ponndorf reaction Invoked to interpret the effect of

additives or electrode surface
states (as in the Kolbe reaction)

aJojewly
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tage is not matched in homogenous organic chemistry owing to the discrete number of
electron transfer reagents, particularly for reductions. On the contrary, surface modifica-
tions and reactivities, especially under the conditions of the large electrical fields encoun-
tered in electrochemistry (Sec. III.A.4), are not easy to design and control within the
present state of the art, whereas owing to the extensive development of organic [8], inor-
ganic, and organometallic [17] chemistry, a large variety of specific agents is made avail-
able. However, the apparent disadvantage of electrochemistry in the latter area exists only
when the electrode is considered the main reactant effecting the sought reaction. Indeed,
specific chemicals (catalytic or stoichiometric reactants) that effect the desired transforma-
tion on the substrate of interest may easily be electrochemically generated as discussed in
Part VIII of this book [18].

B. Standard Potentials: What They Mean and What They Do Not Mean

1. Standard Potentials

When considering a reaction between a possible electron donor and a possible electron
acceptor, it is important to decide a priori whether it will take place. This is usually
answered by comparison of the standard (reduction) potentials E° pertinent to each
reactant. Indeed, when one considers the possible reaction in Eq. (21),

A+D=A"+D" (21)

the corresponding equilibrium constant K is related to the difference between the standard
(reduction) potentials E3 ,_ and Ep, p of the A/A™ and D/D couples, respectively. It
follows from the expression of K,

K = eF(E‘)\/,,H ’EE)+/D)/RT

that at equilibrium Eq. (21) should be displaced toward the right-hand side when E3 5 _ >
Eb4,p and to the left-hand side when the converse is true (however, see Sec. I1.B.6). When
the difference between the values of the two standard reduction potentials is small, the
reactant(s) and product(s) equilibrium concentrations obviously depend on the potential
difference but also greatly on the initial composition of the solution.

According to its definition, the standard (reduction) potential of the A/A™ couple is
the standard electromotive force of a cell in which an A/A™ electrode (where the activities
of A and A~ are made unity) is opposed to an NHE (normal hydrogen electrode) whose
potential is assigned to zero by convention.

A+e=A" (E®) (22)

Thus a standard reduction potential E° is ascribed to the “half-reaction” in Eq. (22).

“Because of thermodynamic and electrochemical conventions, standard potentials are defined in the
direction of reduction. independently of the respective chemical stabilities of the molecules involved.
Thus for the oxidation of toluene to its cation radical, E refers to the reduction of the highly unstable
cation radical into the highly stable toluene. To overcome such a priori chemical nonsence, E° is
frequently designated as the standard oxidation potential of toluene for example. However, such a
term should not be accepted according to canonical rules because it formally implies that the cell now
operates in a driven mode, that is, is connected to an external power supply [19]. Thus in this chapter
we prefer to use the denomination standard reduction potentials, rather than the usual term “standard
potential,” as a reminder of the E definition, although such as expression is basically a pleonasm.
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When the activities of A and A~ are not unity, the potential of the A/A™ electrode is given
by the Nernst equation,
RT,  (A)
E=E°+—In—% 23a

+F 7% (23a)
as a function of these activities [20]. Note that in this discussion a “simple” or elementary
electron transfer is considered. In actual practice the definition of E° may be extended to
more complex situations (Sec. I1.B.5) in which the half-reaction corresponds to a series of
equilibria involving at least one electron transfer step. If the pertinent half-reaction is
written

;01 + 0y + - +ne = iRy + Ry + -+
the potential of the corresponding electrode is given by the Nernst equation,

RT, (0)*(0y* -

E=E°+ n——=~— =
nF  (R)(Ry)” -

(23b)

In practice there are several limitations to such measurement. Obviously it implies
that both members of the half-reaction are sufficiently stable for a cell to be realized. This
is a serious difficulty in organic chemistry owing to usual great reactivities of the species
formed upon electron transfers. For the most frequent cases it is then impossible to rely on
reversible thermodynamic transformations to determine experimental values of standard
reduction potentials. However, these important figures, or at least very precisely approxi-
mated values, can be obtained from current intensity potential curves or transient electro-
chemical methods as is discussed in a later section.

2. Reference Electrodes and Liquid Junction Potentials

Potentials are not measurable on an absolute scale, yet relative scales are easily con-
structed from measurements of potential differences. This is a fortiori true for electrode
potentials. Thus, as explained earlier, electrode potentials are given, by convention, as
their potential difference versus the NHE. Yet there are several difficulties associated with
the use of the NHE. The most obvious is that, although it may be approximated via
extrapolations, a real NHE cannot be constructed according to the stipulations included
in its definition. The other limitations directly follow from the fact that approximated
NHE are almost impossible to use in real experiments. Thus, many other reference elec-
trodes have been proposed and constructed [21]. Each of these electrodes is used by
electrochemists according to historical or sentimental reasons or because a given reference
electrode is more adequate for a given experimental situation owing to geometric factors
or possible pollution of the solution under study.

To be considered a suitable reference electrode, an electrode must have a known
and reproducible potential versus the NHE. This potential must be nearly an invariant
of the current flowing through the electrode, which implies that the electrode reaction is
extremely fast and the electrode reactants are extremely concentrated (see Secs. II1.C.3
and IV.B.2). It should also have a small temperature coefficient and should be easily
constructed in a reproducible way. A large variety of electrodes meeting these require-
ments to different degrees have been devised; Table 2 presents a few of the most
frequently used.

Inspection of Table 2 shows that the solution composition of the electrode half-cell is
critical. These solutions may differ considerably (nature of the solvent, nature and con-
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Table 2 Potentials of Some Reference Electrodes

Reference Electrode ERes» V versus NHE?
Half-cell® Name 25°C 20°C
Hg/HgO, NaOH (1 N) 0.14°
Ag/AgCl, KCl (s) 0.20°
Ag/AgCl, KC1 (1 M) 0.22° 0.22°
Hg/Hg,Cl,, NaCl (s) SSCE 0.236¢
Hg/Hg,Cl,, KCl (s) SCE 0.241¢ 0.245¢
Hg/Hg-Cl,, KCI (1 M) NCE 0.280¢ 0.2819
Hg/Hg-Cl,, KCI (0.1 M) 0.334¢
Hg/Hg2SO4, K2S04 (S) 064c
Hg/HgO, NaOH (0.1 M) 0.93¢

2For any O/R couple, E° (versus NHE) = E° (versus Ref) + ER.
°In aqueous solutions; (s) indicates saturation.

‘From Ref. 21c.

4From Refs. 21a and 21b.

Source: From Refs. 21.

centrations of the electrolytes or ionic members of the half-reaction, and so on) from those
used in organic or organometallic electrochemistry. The two solutions, that of the experi-
mental system under study and that in the inner reference electrode compartment, then
tend to equilibrate across their interface (the liquid junction) to reach a final state in which
both solutions are identical. In practice, to avoid pollution of both solutions, a third
solution is usually interposed, which acts as a buffer. This “bridge” then results in the
creation of two liquid junctions. At each of these junctions the physical process of equili-
bration is controlled by the diffusion of the various components, that is, depends on their
mobilities, which may be extremely different [22]. In the process of equilibration there is
then a trend to break the electroneutrality on both sides of the junction. Indeed, the center
of positive charges tends to separate from the center of negative charges because of
intrinsic differences in the mobilities of the cations and anions. This results in the creation
of an electrostatic potential difference E; across the junction, which opposes the charge
separation. The system reaches then a steady-state “‘equilibrium”™ so that the electrostatic
energy exactly matches that resulting from differences in chemical composition across the
liquid junction. For identical solvents on both sides of the junction, models have been
developed to estimate the resulting junction potentials E;, which may reach several tens of
millivolts in practice [23]. Yet in most organic or organometallic experiments, different
solvents are used on both sides of the liquid junctions. Other phenomena (e.g.. solvent
mixing, different abilities in wetting the physical interface, usually a sintered glass frit or a
glass crack, and interfacial and capillary tensions [24]) are then involved. This makes the
corresponding analysis intractable or totally irrelevant to real conditions, especially when
one considers the difficult reproducibility of most of these phenomena from one experi-
mental setup to another.

In practice it is advisable to use reference electrodes involving, when possible, a
solvent identical to that used in the electrochemical cell. Yet this is not always possible,
since other problems may arise from solubilities or temperature dependence, for example.
In any case, when potential determinations are crucial, a way to overcome these difficulties
is to calibrate the potential scale by measuring the potential of a reference compound in
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the same solution, that is, introducing it in the investigated solution at the end of the
experiment. Under such conditions, and provided that the solution composition remains
invariant in the course of the experiment, a “floating reference electrode” may also be
used. A silver wire of large surface area or a mercury pool, for example, constitutes such a
floating reference electrode. Indeed, it keeps a constant, but unknown potential difference
vis-a-vis the solution. Yet the resulting potential scales obtained from run to run need to
be reconciled, via the calibration procedure explained earlier, since the floating reference
potential is unknown and prone to vary as a function of the exact composition of the
solution.

3. Standard Reduction Potentials Versus Ionization Potentials or Affinities

When one of the members of a given half-reaction is too unstable for measurement of the
pertinent standard reduction potential, one frequently relies on the values of ionization
potentials or affinities. However, one should be extremely cautious in the use of such data
obtained from gas phase when applying them to reactions in solution [25].

Let us consider a simple half-reaction O + ¢ = R, with a standard reduction poten-
tial E°. It must be realized that E°® corresponds to (1) stable solvation states for O and R
and (2) stable nuclear configurations for O and R. On the other hand, ionization poten-
tials I, or affinities A¢ correspond to nonsolvated O and R and radiative transitions (Sec.
I1.C), that is, to unstable nuclear configurations R” or O, respectively, for R (affinities)
or O (ionization potentials). The ensuing thermodynamic relationships between the three
numbers E°, I,, and A¢r are then derived from thermodynamic considerations based on the
cycles in Scheme 1.

*
NA'A[/VR gas WR*.IC]

Ogas + Cmet 2 Rgas

-AG®° 0, solv AG° R, solv

AG%ad = FE® m

/AG" R, solv
as

Ogas + Cmet 2 R

AG® o*,}s

*
o gas + Cmet 2

Scheme 1

Thus it follows that

(AGH, solv — AGR o) =~ AGRe. el

E° = —-A
ff + F

Cst (24)

and

TNote that no explicit attention to NHE or metal phases [26] has been given in the cycles, since these
factors introduce a constant term Cst in Eq. (24) or (25), independent of the O/R couple.
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AGQ, solv — AGR ¢o1y) — AGY:, rel
i (AGo R.solv) 0 n

EO:Ip F

Cst (25)
where E°, Ay, and Ip are expressed in volts and electron-volts, whereas AG® is in joules
and relative to molar quantities. From Eqgs. (24) and (25), it is seen that E® and Ip (or E°
and Ag) should correlate linearly, with a slope of unity for an extended series of O/R
couples, only when the terms in the fraction are reasonably constant within the series. In
practice this condition is almost impossible to fulfill accurately but is approximated for
large delocalized molecules belonging to an identical class [27,28]. Indeed, for such mole-
cules the gain or loss of an electron introduces only small disturbances in the molecules.
Similarly, there are nearly no specific solvation effects, the charge being largely deloca-
lized. Then, provided the equivalent solvation radii are large or remain close within the
series, the solvation differences are negligible [27]. Figure | shows that when these condi-
tions are fulfilled, good correlations with slopes close to the unity are observed. Thus
determination of E° for some of the compounds of the series allows good estimates of
E° to be obtained from Ip or Ay measurements. Yet it must be emphasized at this point
that there should be virtually no special difficulties in the direct measurements of the
unknown E° values for the O/R couples meeting all the requirements discussed here.
Indeed, these conditions restrict the validity of the method to chemically reversible
outer sphere electron transfers.

From this statement it is seen that the eventual practical interest of the method deals
with series of redox couples that involve a too chemically unstable member for experi-
mental E° to be determined easily. An example of such a case is given by the series of
alkylbenzenes [29] presented in Fig. 2. Indeed, owing to the rather small size of the =
system compared with the large aromatics in Fig. 1, as well as to the considerable varia-
tions in size with the number and nature of the alkyl substituent, it seems clear that the
difference in solvation energies in Eq. (25) must vary within the series.

(AG(OJ'SOIV _AGOR,solv) + A(}(())".rel ~ _O-3FEO

Interestingly, a good linear correlation is nevertheless observed in Fig. 2, yet with a slope
of 0.7, instead of unity as in Fig. 1. From Eq. (25) it follows that the term on the left-hand

L2 o/

Affinities 2
L eV o

L " a1

-0.5

i

Reduction Potentials, V

Figure 1. Correlation between affinities and reduction potentials for an extended series of poly-
cyclic aromatic hydrocarbons. (Data from Ref. 28.)
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Figure 2. Correlation between ionization potentials and standard reduction potentials of the
corresponding cation radicals for a series of alkylbenzenes. Two dotted lines, with slopes unity,
are positioned at each end of the series to emphasize the deviations vis-a-vis the data in Fig. 1.
(Data from Ref. 29.)

side also correlates with E°, a reasonable conclusion owing to the homogeneity in the
series of substituents. Yet the correlation in Fig. 2 clearly shows the danger of the blind use
of such correlations, that is, of the use of Ip or A values instead of E°. Indeed, a difference
larger than 0.5V is introduced when extrapolating E° from I,, values and assuming a unity
slope as in Fig. 1.

4. Comparison or Extrapolation Between Solvents

Owing to the extremely large variety of solvents used in organic or organometallic chem-
istry, it is unlikely that all the pertinent electrochemical data can be found for a particular
system and a particular solvent [30]. Thus the problem of the transposition of data
obtained for one solvent to another frequently arises. As discussed for I, or Ag, this
should not be done without extreme precautions. Indeed, by substraction of the two
equations, akin to Eq. (25), pertinent to each solvent, one obtains readily for a given
O/R redox system

o o _ (AGOO,solvl — ACioO,sole) — (AG?{,solvi - AGOR.SOIV?) ’
Esolvi — Lsolv2 — F +C

where C’ is a constant term independent of the O/R couple. However, the numerator,
which may include specific solvation terms for each solvent, may vary considerably from
one redox couple to the other. Thus on an absolute basis, extrapolations between solvents
are meaningless; however, they may be used with great caution. Evidently the same is a
fortiori true for the utilization of HOMO or LUMO energies [31] or Hammett-Taft and
related extrathermodynamic relationships [32].

5. Formal Reduction Potentials

It is usually difficult to determine or impose activities, since activation coefficients are
nearly always unknown for the redox systems investigated in organic or organometallic
chemistry. Thus formal reduction potentials E® are measured, when feasible, rather than
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E°. E corresponds to the electrode potential versus NHE when the concentration ratio
Co/Cr is made unity, rather than the ratio of the activities, as in the definition of E°® [33].
Thus from Eq. (23). it follows that

©) RT . foCo
B4 O o [ RT
TF"® F " hCr
that is,
RT  fo
E” = E° 4~ In
+g g (26)

where fj is the activity coefficient of species J. The latter being affected by ionic strength
and concentrations, for example, it is predicted that E° values should vary from medium
to medium. This is important to remember when E° values, determined under the con-
ditions of low concentration and large ionic strength usually met in electrochemistry, need
to be utilized under the conditions of low ionic strength and high concentration frequently
used in organic chemistry [34].

Formal potential may also include some constant or selected components of the
medium that participate in the overall redox reaction. Thus pH, and concentrations of
complexing reagents, for example, are often included in E® [35] when the O and R
molecules are not interconnected by a simple electron transfer. To explicate this point,
let us discuss a typical example related to aldehyde oxidation. The stoichiometry of the
reaction in Eq. (27) involves an overall transfer of two electrons and one oxygen atom.

R — CHO + 3H,0 = R — CO,H + 2¢ + 2H;0" (ED) 27

Yet the acid may exist under two equivalent forms, the acid per se or its conjugated base.
Thus, when the pH is such that the carboxylate anion is the stable form, Eq. (27) is better
rewritten as in Eq. (28).

R — CHO +4H,0 = R — CO; +2¢ +3H;0"  (E9) (28)

From a preparative point of view, both reactions are nearly identical, since the acid and its
conjugated base are two forms of the same chemical entity. From a thermodynamic point
of view, however, they differ because of the involvement of the acid dissociation in Eq.
(29),

R - CO,H+H,0 =R —CO; +H;0" (K, (29)

which thus corresponds to the definition of a second standard reduction potential E3 in
Eq. (28). Yet E{ and ES are related because of the necessity of a unique potential for the
solution. Indeed from Eq. (27), the potential is obtained as in Eq. (30), whereas it is
expressed as in Eq. (31) from Eq. (28).

B (RCO,H)(H;0")>
E=Ei+ _2'131 (RCHO) (30)
(RCO3)(H;0™)°
L N o b

Identification of both equations readily gives the relationship between Ef and ES in Eq.
(32), which shows that provided that K, is known, knowledge of either E{ or Ej is
sufficient.
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E‘2’=E‘|’—3F1nK (32)

On the other hand, owing to the involvement of proton activities in Eq. (30) or (31).
it is expected that the acid-aldehyde reduction potential is extremely dependent on the pH.
Thus it is more convenient to separate the pH-dependent terms from those corresponding
to the degree of conversion. Similarly, it is more realistic to consider the sum of the acid
and its conjugated base activities to represent the oxidation products. Thus, taking into
account Eq. (29), Eq. (30) is rewritten as in Eq. (33),

RT, h? RT (acid)

o _laad) 33
E=Ei+ 5 I+ F " @denyde) (33)

where the term ‘“‘acid” represents the sum of its two forms and h = (H;0™"). Similarly,
concentrations may be introduced for the acid and aldehyde, rather than activities:
RT [acid]
E=FE +—Iln——1 _
+F Maldehyde]
This allows finally the rewritting of Eq. (33) under the form in Eq. (34), which
directly gives the conversion ratio as a function of the potential and of the pH-
dependent formal potential E° in Eq. (35), where K, =K,(frco,n/frco,~). and
= E{ + (RT/2F) In(frco,u/frco,-):

, +  RT ‘ h? ‘
[o} o 1 35
E° =E) +—=1In T (35)

(34

It is seen from Eq. (34) that although it is not established on definitions as solid as
those for E°, E° nevertheless is of great practical interest since it is the reference parameter
that controls the actual conversion ratio in a given situation. Indeed, at any pH or ionic
strength, E > E° requires that the acid is the major component in the system, whereas it is
the aldehyde for E < E°. AtE = E° 50% of the aldehyde is oxidized. To decide which
potential is needed at a given pH, or v1ce versa, it is then important to know the variations
of B with pH. These variations are conveniently represented in the form of a “potential-

pH’" diagram and are derived from Eq. (35). Indeed, from the latter it is easily seen that
E° varies linearly with the pH as soon as the latter differs slightly from pK;; that is (at
room temperature),

pH <pK! E° ~EY —0.06 pH
pH=pK. E° ~E{ —0.0] —0.06 pK/
pH > pK. E° ~E{ +0.03 pK. —0.09 pH

Such a diagram is represented in Fig. 3. The “acid” predominance zone corresponds
to the upper part of the diagram, that is, to pH and potential conditions so that the point
representing the system is above the E° versus pH curve. Conversely, the aldehyde pre-
dominates when the system is located under this boundary. To illustrate the practical
interest of these diagrams, let us refer to the classic test of the silver mirror, which corre-
sponds to aldehydes oxidation by the silver nitrate-ammonia reagent.

The standard reduction potential for Ag*/Ag is 0.80V versus NHE. Comparison
with the diagram in Fig. 3 shows that the silver ion is not able to oxidize aldehydes except
under basic conditions. Yet under such conditions silver oxides are formed and precipitate.
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Figure 3. Potential-pH diagram for the aldehyde-acid transformation (solid line). The dashed line
gives that for Ag/Ag* (0.1 M) when the pH is imposed by NH;. The hatched zone corresponds to the
only region where the silver mirror test can be performed.

Ag" +2NH; = Ag(NH;3)' + NH; = Ag(NH;)f (36)

Thus a particular base, ammonia, which gives stable complexes with Ag* in Egs. (36), is
used to bring about the basic pH. However, because of the formation of complexes in Egs.
(36), the free Ag" concentration decreases, which tends to lower the oxidative strength of
the solution (E = E3,+ +0.06 In (Ag")). This implies that the ammonia concentration
must be adjusted precisely: sufficient for the pH to be in the required range, but not too
high in order to retain a sufficient oxidizing power of the silver ion solution. In practice the
best concentration is that corresponding to the titration point of the silver ion, which
explains the great caution used in the preparation of the reagent Ag(NH;)3, NOj.

6. Relationships Between Thermodynamic Driving Force AE® and Feasibility of an
Electron Transfer Reaction

According to thermodynamics, the feasibility of an electron transfer reaction depends on
the free energy change AG associated with it.

101 + B2Ry = BiR; + 1,0, (37)
For the electron transfer in Eq. (37), which involves the two half-reactions in Eq. (38),

05101 + ne = ﬁlRl (E?) (383)

a0, +ne= R,  (E9) (38b)

the free energy change is given from basic thermodynamics by

0 (R (0y)*
AG = AG° + RTIn| ———
“[(@)‘*%Rz)ﬁ*L

where AG® = nF(ES — E}) and the subscript in. means that the activities to be used in the
bracketed term are those corresponding to the initial state of the system. A reaction is
observed provided AG is negative or positive. The equilibrium point is then such that
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AG = 0; therefore, at equilibrium the activities are such as given in Eq. (39), where the
subscript eq. indicates equilibrium:

1 o2
(Rl)ﬁl(Oz) | = mFERTIE-E) (39)
(O™ (Ry)P a.

From Eq. (39) it is deduced that for the forward electron transfer in Eq. (37) to be
realized to some extent, it is necessary that the term on the left-hand side of Eq. (39) is
considerably larger than unity and thus that E{ > ES. Conversely, E? < ES should lead to
the conclusion that the reaction in Eq. (37) is not possible. This conclusion may not be
true, however, depending on the respective stabilities of the various species considered in
Eq. (37).

When all reactants and products are stable, these conclusions are valid. However,
when one or both produces are not stable, Eq. (37) is continuously displaced to the right,
even when thermodynamics predicts that the equilibrium should lie to the left-hand side.
This is a situation akin to that usually considered in equilibrium displacements by physical
removal (e.g., distillation, precipitation, and complexation) of one of the products. Thus
one may have E{ < E? and nevertheless observe a reaction between O; and R, in Eq. (37).
Characteristic examples of such situations are given elsewhere in this book, particularly in
Chapter 29, since this phenomenon is the basis of redox catalysis. In such a situation the
validity of Eq. (39) is not altered, provided the equilibrium remains established. Yet since
(R)) or (O,) approaches zero, because of the follow-up chemical reaction(s), (O;) and (R,)
may be extremely small and the bracketed term on the left-hand side of Eq. (39) remains
considerably smaller than unity, fulfilling the condition imposed by E} < ES.

a;0; + Ry = B1R; + Oy —> -+ (40)

It is thus seen that a direct relationship exists between the thermodynamic driving
force AE® and the feasibility of an electron transfer reaction only for those special cases in
which all the products and reactants are stable within the time scale considered. Yet it
must be pointed out that this is seldom encountered in usual practice, owing to the
generally high reactivities of the species formed upon electron transfers.

This discussion may lead to the extreme conclusion that when the products of an
electron transfer reaction are unstable, as in Eq. (40), thermodynamic figures, such as AE®,
are irrelevant. From a simple point of view this is true. Yet in practice kinetic notions are
implicitly involved in the discussion of the feasibility of any chemical reaction. Indeed, a
possible reaction whose completion requires infinite time is not considered feasible.
Amazingly, it is because of kinetics that thermodynamic figures recover an interest for
situations like that featured in Eq. (40). To state this point exactly, let us present and
discuss the case of the oxidation of methylbenzenes by tris-(1,10-phenantroline)-iron(III)
complexes (FeL3") in the presence of pyridine bases [36].

From their standard reduction potentials, in the range of 1.35V versus NHE [37],
FeL3" complexes should not be able to oxidize methylbenzenes, the standard potentials of
which exceed 1.75V versus NHE [29]. The reaction, however, proceeds easily in the pre-
sence of a pyridine base, according to the following stoichiometry:

ArCHj; + 2FeL3" + 2py—s> ArCH, — py* + pyH* + 2Fel2*

and was shown [36,38,39] to involve an electron transfer between the iron and the arene
centers, as outlined in Scheme 2. Two limiting kinetic situations are observed according to
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ArCH; + Fe™ = ArCH,; " + Fe™ (k;.ky) (41)

ArCH,* +py - ArCH, +pyH™" (ky) (42)

ArCH," +Fe™ — ArCH," +Fe (fast) (43)

ArCH,"" +py — ArCH,—py" (fast) (44)
Scheme 2

the respective rates of the proton transfer [Eq. (42)] or of the backward electron transfer
[Eq. (41)]. When the latter is larger, the electron transfer in Eq. (41) acts as a rapid
equilibrium, the proton transfer being the rate-determining step (RDS). Thus an apparent
rate constant is determined, as in Eq. (45):

k
k% = kg — (45)
ky,

Conversely, when the proton transfer rate is considerably faster than the backward elec-
tron transfer, the RDS is the forward electron transfer and the observed rate constant is

then k¢, as given in Eq. (46):
k* = k¢ (46)

It is thus seen that, in the first situation, although the thermodynamic interdiction
has been overruled, thermodynamic figures control the apparent rate constant observed.
Indeed, Eq. (45) may be rewritten as in Eq. (47):

kP — kHe(F/ RT)Eg.~Efichy) (47)

Thus owing to the large magnitude of kg (10° — 10 M~!s™! [36b—.38,40]), the rate con-
stant in Eq. (47) remains appreciable even for largely endergonic electron transfers (for
1,2,4,5-tetramethylbenzene, Eg, — Ej;cy, < —0.6 V). Yet if the electron transfer is too
endergonic, k? becomes too small for the reaction to proceed at a significant rate.

The involvement of thermodynamic figures when the forward electron transfer is the
RDS is more subtle and arises because of linear or quadratic [41] relationships between
activation free energies and thermodynamic driving force, which applies for outer sphere
electron transfers like that in Eq. (41) (Sec. I1.C.6).

C. Mechanism and Theory of Outer Sphere Electron Transfer Reactions

Owing to the aim and scope of the present chapter, it is impossible to discuss here all the
subtleties and refinements of electron transfer theories. Yet our purpose is to give a general
overview of the different concepts on which these theories are elaborated. As such, this
text may constitute per se a presentation of the basic features essential to a thoughtful
experimental use of outer sphere electron transfer mechanisms. On the other hand, we
hope it may constitute an introduction to more specialized readings [42].

In the following, we tried to rely, for the sake of simplicity, on simple physicochem-
ical pictures that often were not involved in the original works [41,43,44]. As a conse-
quence, this text short-circuits some important but specialized theoretical aspects of the
original theories.
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1. Diffusion Limitation in Electron Transfer Reactions

A very common characteristic of electron transfer reactions is that they frequently involve
activation energies lower than other chemical reactions that relate to group or atom
transfers. As a consequence, the activated processes may be extremely fast compared
with the physical process of bringing the two reactants close together (or separating the
products) so that they can react. In such cases, the overall rate constant determined does
not reflect activation parameters but rather transport properties. Note that this phenom-
enon is implicitly recognized in homogeneous chemistry. Indeed, the “diffusion limit” rate
constant, of the order of 10° — 10" M~'s™!, corresponds to reactions that are limited by
encounters of the reactants, whereas the limit related to produce separation is intuitively
included within part of the notion invoked in “cage separation.”

Thus, in a general situation, an electron transfer between a donor D and an acceptor
A must be considered in terms of, at least, the three successive elementary steps outlined in
Scheme 3. This representation may be even more segmented when, for example, different
ion pairs are involved, such as [A, solvent, D] or [A~, (solvent),, D¥]. Yet it is sufficient
her to consider the simplest situation represented in Scheme 3 [45]. The formation or
dissociation of cages in Scheme 3, each a physical process, is normally handled on phy-
sicochemical grounds. Yet following a notation by Debye their effects may be represented
under the form of pseudo-rate constants: ki, (reactant pair) and k% (product pair). Using
this notation, it follows [46] that the overall k; and backward rate constant ky, are given by
Egs. (48) and (49) as a function of the activation rate constants ki and k&' relative to the
pairs.

ke
Overall (measured): A+D :.—_'.—_'.—_'lz_‘.—;.—_'t As+ D?
.
k#f /,"k#b
Diffusion (physical): k% % kP e
j ¥ )

Activation (chemical): [A, D]

Scheme 3

f
| AGYRT | AG°/RT

T 48

kf k?Ct glf kgif ( )
f

ky k%a kgif kﬁif

In Egs. (48) and (49), AG® = F(Ep,,p — E3,a-), while AG} or AGlfJ represents the free
energy necessary to form the pairs in Scheme 3 for the reactants and products, respec-
tively. The diffusion rate constants are given by Egs. (50) and (51) [45], where r is the
distance between the pair centers and D, or D,, the sum of the diffusion coefficients of the
reactants or products, respectively.
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dif — j;oo X_ZCW"(X)/RTCIX (50)
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kg = 2,00 RT i (51

Both pseudo-rate constants may then be evaluated from a suitable description of the work
terms W (x) and W(x) necessary to bring the reactant centers or those of the products,
respectively, from infinity to a distance x. When the work terms are negligible, straightfor-
ward integration of Egs. (50) and (51) yields

kg = 47NsD,r  and  k§; = 47N, D,r

which corresponds to the “diffusion limit rate constants” of the order of 10° — 10' M~}
s7! first proposed by Smoluchowsky [45b]. When the work terms are not negligible com-
pared to RT (due to, e.g., specific interactions, electrostatic interactions between charged
ions, or specific ion pairs), the diffusion limit rate constant may differ appreciably from
these values, being larger when the work terms are negative (attractive pairs) or consider-
ably smaller when the work terms are positive (repulsive pairs).

Because of the symmetry in Eqs. (48) and (49), we restrict the following discussion to
the forward process. It is also noted that k; and ky, fulfill the thermodynamic condition in
Eq. (52):

kg = ke /RT (52)

kact kact —-AG® /RT (53)

Indeed, k' and k3, being true chemical rate constants, must obey Eq. (53), where AG® is
the free energy change in the reaction between the pairs. When there is no other entropic
contribution in the formation of the pairs besides those corresponding to the formation of
rigid pairs, one has:

AGL - AGL ~W,~W, andthen AG® =AG°-W,+W,

From Eq. (48) it is seen that the observed rate constant is always smaller than or
equal to ki, deﬁned by considering only the transport limitations in k; expression, that is,
by Eq. (54a).”

1 | eAG/RT

=t (54a)
kd f kfhf kglf

When AG® « RTIn(k%./k¥;). the first term in Eq. (54a) predominates, which means
that in the corresponding range one obtains kd‘ ~ kg,s. This corresponds to the traditional
diffusion limit, that is, to the case of extremely exergonic reactions. Conversely, for highly
endergonic reactions, Eq. (54a) yields kfil ~ ke e~2G"/RT T the latter case it might be

"Note that, similarly, a transport limit
k%‘f — kcfhf eAGu /RT (5 4b)

is defined for the backward electron transfer. Based on Scheme 3 and Eqgs. (48) and (49), kﬂ‘f is given
as in Eq. (54b).
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surprising that a diffusion control may be observed, yet this apparent paradox corre-
sponds simply to the fulfillment of the thermodynamic conditions in Eqs. (52) and
(54b), the highly exergonic backward reaction being diffusion controlled.

Thus under any circumstances the overall observed rate constant k¢ cannot exceed
the limit of k§f given in Eq. (54a). This limit is represented in the form of a log k& versus
AG® plot in Fig. 4. It must be noticed that since no special considerations have been given
to the intrinsic nature of the overall reaction up to this point, these results are valid for any
kind of bimolecular chemical reaction. Yet for reactions involving group or atom trans-
fers, W (r) and W,(r) may reach high values (precursor complexes) compared with elec-
tron transfer reactions [47]. As a result, the values of ki or ki, may be considerably
smaller than the usual figures observed in the 10° — 10'"M™' s~ range for electron
transfers. _

Activation control of the reaction is observed when k; « k3T, the latter being given
in Eq. (54a). Indeed, formation of the precursor or successor complexes is then consider-
ably faster than the activation process, which therefore limits the overall reaction. Thus is
ensues from Egs. (48) and (49) that ks ~ k?, and ky, &~ k{f,

—AGg/RT —AG{,/RT

kf = ke and ki = ki% (55)

where the rate constants kf and k¥, defined in Eq. (55), correspond to the usual definition
of activation rate constants. Indeed, they refer to the activated process, the initial states
being the dissociated A, D or A~, D pairs, respectively (compare Scheme 3). Owing to this
formulation, Eqgs. (48) and (49) are usually rewritten under their equivalent forms in Egs.
(56).

1 1,1 1 11

(56a)

KT kKRR
k o
Xf _ (AG/RT (56b)
ky,
where k¥, k¥, k?if are defined in Egs. (55) and (54a,b). Yet when using such elegant but

compact formulations, it is important to recall that k' and k& are not the usual diffusion

dif.,r
Ke ~kait

dif
K ~kgif.exp(-DGO/RT)

0 -AG°

Figure 4. Variations in k&', as given in Eq. (54), with the driving force. The shaded area corre-
sponds to the zone where an activation control is not achievable, the overall kinetics being under
diffusion control.
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limit rate constants defined in Eqgs. (50) and (51) but may be considerably smaller for
endergonic reactions [compare Fig. 4 and Egs. (54)].

In the following we focus the presentation on the activation contributions, that is, on
k? or k{, to the overall rate constant k;. First we discuss the nature of an electron transfer
reaction. Later, models for the evaluation of the activation energy AG? are presented.

2. Basic Features of Electron Transfer in Solution

The fundamental role of the surrounding medium in an electron transfer reaction was
early recognized by Libby [48]. Indeed, because of the large number of molecular colli-
sions in solution, molecules are thermalized, in contrast to what is observed in gas phase
(ELIp, and so on). Thus radiative electron transfers (that is, analogous to photochemical
excitation; see Sec. I1.C.4) do not take place in condensed phases. In other words, an
electron cannot be transferred between two systems in which its energy is different, as
shown schematically in Fig. 5. In the following, a “system” designates a couple of mole-
cules exchanging an electron, that is, A and D, or A™and D, together with the surround-
ing solvent. Thus the “initial system” corresponds to the reactants and the surrounding
medium, in any out-of-equilibrium nuclear configuration, which may greatly differ from
its equilibrium state, denoted [A, D] in scheme 3. Similarly, the “final system’ is asso-
ciated with the products. Because of the intrinsic difference in mass between the nuclei
and the transferred electron, the Franck-Condon principle applies. In other words,
nuclear motions (107'>s) are frozen vis-d-vis those of the electron (10™'°s). Thus for
any nuclear configuration of the initial (or final) system, a potential energy, termed the
energy of the initial (or final) system, is associated with the electron, which probes the
field of the nuclei (and other electrons). Because the electron is bound to be located in
either D or A, the initial and final systems are potential energy minima as a function of
the electron coordinate, as shown schematically in Fig. 5. In the physical process of being
transferred the electron must then tunnel through a potential barrier corresponding to the
virtual states in which the electron would be between A and D. The height of this barrier
is inversely related to the degree of overlapping of the A and D orbitals effecting the
electron transfer. It greatly influences Pe, the probability that the electron tunnels during
the time interval in which the initial and final systems have identical energies (compare
Fig. 5b). This time interval, a function of nuclear motions, is nearly independent of the
acceptor and the donor, so that Pe depends mainly on the height of the barrier. As soon
as the energy stabilization V; arising from overlapping orbitals is larger than approxi-
mately 1 kcal/mol, Pe is close to unity and the electron transfer is termed adiabatic. In the
converse situation, the electron transfer is called nonadiabatic and Pe is considerably
smaller than unity (Sec. I1.C.4).

From this presentation it is seen that the overall probability P of electron transfer is
approximated by P = Pn - Pe, where Pn is the probability that the nuclei achieve a con-
figuration so that the electron energy is identical for the initial and final systems (Fig. 5b).
In usual kinetic terms, this means that the rate constant ki is given by k' = w(k"), 4.
where « is the “transmission coefficient” (x = 1 for an adiabatic electron transfer; ¥ < 1
for nondiabatic transfers) and (k{*"),; is the rate constant observed for an adiabatic
electron transfer. The latter then depends only on nuclear motions that affect the potential
energy of the electron. In usual chemical terms, (k)4 is directly related to the height of
the activation barrier, that is, to the energetic separation between the state where the
electron may tunnel and that corresponding to the initial system at equilibrium (compare
Fig. 5b), denoted [A, D] in Scheme 3.
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delectron

NUCLEAR COORDINATES

Cc

Figure 5. Schematic variation in the electron potential energy as a function of the nuclear coordi-
nates (qr and gp for the reactant and product systems, respectively) and of the electron coordinate.
(a) Forbidden electron transfer; (b) allowed electron transfer; (c) projection of the “system trajec-
tory™ on the electron coordinate-nuclear coordinates plane. qy' and q3* are the values of the nuclear
coordinate at the equilibrium for the reactant or product systems, respectively, and q that at the
transition state. Solid lines, variations of the nuclear coordinates; (-~) electron tunneling.

kT —AE¥!/RT

kact = KTC (57)

From absolute rate theory [49], ki is then given by Eq. (57), where AEX' is the
activation energy barrier expressed for molar quantities. From Eq. (55) it follows that

kT —AGr /RT o —AE{"/RT
h

Note that the same presentation applies to kﬁ and thus

kf—/c

1 — KT G /RT — BT
>~ " h

It is usually more convenient to introduce explicitly the 1nterna1 energy (W, and W,,,
respectively) and the entropic components of the free energies AGL and AGf When the
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formation of pairs involves no specific interaction, their entropy of formation is identical
to that of a rigid rotator (AS,,), which yields

AG =W, — TAS,;, and AGL =W, — TAS,,
and thus

kT dct
kff = K(_E._ eAS“"/Re_Wf/RTe_AEr /RT)

and

kﬁ = K(E eASml/Re—Wp/RTe_AEi;Cl/RT)
h

From classic statistical thermodynamics [50] the product
(KT/h)e"S=/RT

is 1showrll to be equal to the collision frequency Z [51], which is usually of the order
10" M s

Z=10"N, [8”RT(mA + mD)] 1/2r2
mamp
One then finally obtains [43,44]
kf _ KZe—Wr/RTe—AE‘}“/RT (58)
and
kﬁ — «Ze~Wo/RT—AE{/RT (59)

with k¥ = k¥ e2C"/RT pecause AGY = AG® — W, + W, ~ AE}" — AE;™.

An absolute expression for « is nearly impossible to derive in a general case owing to
its close dependence on the orbital system of a specific A and D couple [52]. Thus general
theories consider only adiabatic electron transfers, that is, those corresponding to ¥ = 1. In
practice, owing to the very small (less than 1kcal/mol) interaction required, this is not a
limitation for most electron transfers in organic chemistry.

The theoretical predictions of k? then amount to evaluating the magnitude of AEX!
in Eq. (58). Various models have been proposed for this determination, and most of them
rely on harmonic approximations for the variations of energy of the initial or final systems
with nuclear deformation. The basis of the harmonic assumption is that, for outer sphere
electron transfers, (1) only small perturbations in bond length or bond angle are involved
and (2) a large number of nuclear coordinates participate in the activation process. Owing
to these two considerations it is understood that although the accumulated energies may
be important (from several kilocalories per mole to a few tens of kilocalories per mole),
each of the nuclear coordinates may remain close to its equilibrium value, where harmonic
descriptions of the corresponding energy variations are accurate. Note in this context that
since for inner sphere electron transfers (Sec. II.A.2 and Table 1) bonds are broken or

“In this expression m, and mp are the molar masses of A and D, and r, the distance between the

molecule centers in the precursor or successor complexes, is expressed in angstroms, Z being in
-1 1

M7
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created in the activation process, the harmonic assumption fails. Indeed, in such electron
transfers the activation energy is concentrated within one given bond, which needs more
detailed description of the potential energy reaction coordinate surfaces [54]. Similarly, the
geometric requirements for x to be unity are certainly more important than for outer
sphere electron transfers, owing to the extreme localization of the orbitals concerned in
the electron exchange. Thus in the following we limit out presentation to the harmonic
model approximation.

Let us denote by g; the i nuclear coordinate (i = 1, N), q™" and qf™*, its equilibrium
values in the initial and final systems, respectively, and €2,, the corresponding reduced
force constant (i.e., ; = 2Q"Q™ /(Q" + Q") where Q" and Q" are the force constants
in the initial and final systems, respectively [43]). With these notations the energy of the
initial and final systems are given in Eqgs. (60) and (61):

E™ = Eg +1Y Qg — ¢’ (60)

E™ =Eg +4)_ Qia —a")’ (61)
where E;g and Eg‘(‘f are the respective equilibrium, values, such as
Eln _ BN = AG® = AG° - W, + W, (62)

The energy E# of the transition state must be such as E* = E™ = E™, Then by
substraction of Eqgs. (60) and (61) and denoting by q”, the value of g; at the transition
state, one obtains

0=AG" —1Y Q@ —a" - (a —a™? (63)

Equation (63) describes a hypersurface of N — 1 dimensions, which correspond to all the
possible transition states (compare Fig. 6 when N = 2). Yet the transition state through
which the system reacts is that of lower energy. This is obtained by derivation of Eq. (63)
versus q;*. From the resulting equation and Eq. (63), one shows readily by the Lagrange
factor method that AE2® is given in Eq. (64):

Figure 6. Schematic representation of the reaction pathway (---), for two nuclear coordinates
(N = 2). The dashed line represents the location of all possible transition states.
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o’ 2
AR =B B =% (1 446 ) (64)
4 A
where
A=Y Q@™ — g’ (65)

is the reorganization energy of the system. Because A is a sum, one may separate the terms
relative to bond length or bond angle variations in the A and D molecules (i = 1, M) from
those relative to the surrounding medium (i = M + 1, N). Thus A is usually written as the
sum of two contributions:

A=A+ A (66)
with

n=1Y Q@™ -qg" fori=1 M (67)
being the inner shell reorganization energy and

ho =17 Q" — "y  fori=M+1, N (68)

1

the outer shell reorganization energy. Note, however, that these terms must not be confused
with the inner sphere or outer sphere nature of an electron transfer (Sec. II.A.2 and Table
1).

A, may be evaluated from x-ray and infrared (IR) data or from theoretical calcula-
tions. However, for organic outer sphere electron transfers, this contribution is usually
much smaller than A,. In our opinion one of the greatest merits of the Marcus [43] and
Levich-Dogonadze [44] theories is that they allow rather correct predictions of A, through
simple equations. Thus for most outer sphere electron transfers, reasonably accurate
values of the rate constants can be predicted.

3. Role of the Solvent: The Outer Shell Reorganization Energy

Owing to the usually small energetic interactions between a solvent molecule and the

solutes, random fluctuations of the medium surrounding the reactants or the products
* . . . .

constantly take place. Figure 7 gives a schematic representation of such solvent
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Figure 7. Schematic representation of the solvent fluctuations inducing the electron transfer. (a, d)
Equilibrium states for the reactants and products, respectively. (b, ¢) Out-of-equilibrium states for
the reactants and products at the transition state.

“Note that the tightly bound solvent molecules are then considered as belonging to the inner shell
subsystem and their contributions to the activation energy are then included in A,.
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fluctuations. During these fluctuations, the solvent nuclei have out-of-equilibrium posi-
tions, which then induce nonequilibrium values for the electrostatic field probed by the
electron to be transferred. Yet the electrons of the solvent instantly adjust to the local
field. This then results in equilibrium values for the electronic components of the
electrostatic field probed by the electron exchanged. This dichotomy between the
nuclei (vibrational-orientational-translational) and the electronic polarizations arises
because of large differences in motion frequencies (10712s for atoms and 107°s for
electrons).

To determine the resulting energetic variations, the solvent is treated as a dielectric
continuum surrounding the reactants or the products. Since we need to consider only
virtual charges, the reactant pair (or the product one) are represented by a pair of two
metallized spheres' of initial charges Z, = 0 and Zp = 0 (i.e., before the exchange of one
electron) for the reactants, or Z, — 1 and Zp + 1 for the products (i.e., after the exchange
of one electron). Electron transfer is supposed to proceed through virtual states in which
only a fractional electron change § has been transferred, corresponding to virtual charges
Z — 8 and Zp + 6 for the reactant or product pairs. The metallized spheres radii (respec-
tively a5 and ap in each pair) are supposed constant during the electron transfer and their
centers are separated by a constant distance r.

Within this model the energy associated with a nonequilibrium polarization state is
determined by considering [57]: (1) for the solvent nuclei the polarization corresponds to
an equilibrium state in which a virtual fractional charge de has been transferred, whereas
(2) the solvent electronic polarization still corresponds to the real charges. In practice,
for the initial system, for example, this is equivalent to determining the variation in the
overall electrostatic energy, that is, that associated with the static dielectric constant g of
the solvent when the reactant charges vary from (Za, Zp) to (Zsy — 6, Zp +6), and to
correcting it from the electronic contrlbutlon which is associated with e, the optical
dielectric constant of the solvent (g, = nop, n,, being the refractive index of the sol-
vent). From the corresponding energetic cycle represented in Scheme 4, it is easily
deduced that the free energy required to produce an appropriate nonequilibrium polar-
ization is W;°™? = W§* — WP and can be evaluated from simple electrostatics, as in the
Born solvat1on model [27]. Thus both W5 and W™ are obtained, using & or &,
respectively, by the sum of the three electrostatic contributions: (1) charge of the A
sphere from Za to Z, — 3, (2) charge of the D sphere from Zp to Zp + 6, and (3)
variation of the electrostatic interaction between the two metallized spheres A and D
at distance r. Thus one obtains

2 2
WE or WP [M_)} (L+L_:)
e aa ap T

TNote that more sophisticated models have been proposed to take into account the nonspherical
nature of reactant and products, the eventual distribution of charges on different centers within the
molecule [55]. the eventual coupling between the inner shell and solvent fluctuation modes, and
other factors [56]. Yet the simplest model described here is sufficient for our purposes, since it
includes most of the essential features of electron transfer reactions.
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Scheme 4

where & = g or g,, and e is the charge of the electron. It is thus seen that for a given § the
outer shell component of the energy of the out-of-equilibrium state of the initial system is
given by Eq. (69):

my _ pin NAez l_ 1 L L_% 2
EDo = (EEQ)O ( 8 )(Ss Sop) (aA * ap r)(S (69

A similar expression would be obtained along the same lines for the final system, yet with §
replaced by 1 — 8. Comparison of Egs. (69) and (60) shows that the outer shell (solvent)
contributions are equivalent to a single harmonic oscillator of force constant €, given in
Eq. (70).

Nae? (1 1 1 1 2
QF{ - (““)}(_*_") 70
T \& Eop an ap r
where the virtual charge transferred § represents the elongation. It then results from Eq.

(68) that
ho =3Q,(6™ — 8" =19, (71)

since 8™ =0 and 8™ =1 for one electron transferred. The outer shall reorganization

energy A, is thus finally obtained under the formulation [57] in Eq. (72):

2
- [Eﬁ (L_i)}(L+L_%) -
8w \eop & a, ap r

The latter equation, involving easily acessible data, allows predictions of A, for most
situations of interest. Note that because of the involvement of a squared term in Eq. (71),
the reorganization energy for a simultaneous transfer of n electrons is n” times larger than
that for a single electron transfer since 8™ — "™ = n for n electrons transferred.

4. Physical Meaning of the Reorganization Energy and of Energy Diagrams

From the preceding discussion it is understood that although the real phenomenon of
electron transfer affects a large number of nuclear coordinates, the overall effect is akin to
what would be observed for a single generalized coordinate q. This is particularly true for
the external medium contribution as established earlier. For simplification of the following
discussion, let us assume that only one coordinate q is involved, which varies from g™ at
the initial system equilibrium to qﬁ" at the final system equilibrium. Let us then introduce
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the normalized coordinate x = (q — q™)/(q™ — ™). It is seen from Eq. (60) or Egs. (61)
and (65) that E™ and E™ are given as a function of x by

E™ = El +Ax? (73)

E™ = EI + (1 - x)* (74)

with x = 0 corresponding to the initial system equilibrium point whereas x = 1 corre-
sponds to the final system equilibrium point. Note that the following harmonic model
can be adapted to encompass a larger variety of nonharmonic situations that are amenable
to harmonic ones simply by using a suitable change of space variable. For example, a
simple logarithmic change of variable y = —(In x)/8, i.e., x = exp(—p8y), transforms any
associative/dissociative Morse potential curve, which represents an energy well in the real
space y, into a parabola that represents the same well in the transformed space x. Thus,
Egs. (73) and (74) apply in the transformed space, although the real energy well is strongly
nonharmonic. Through this smart procedure, dissociative electron transfers can be treated
within the same framework as harmonic ones. For a recent discussion and review of these
features, see Ref. 57d. Figure 8a represents the resulting variations in the two energies with
x. It is seen from this figure that, if the electron transfer were to occur radiatively from the
initial system equilibrium point, as in the gas phase (e.g., in I, determinations), then the
final system curve would be reached at the point x =0, that is, from Eq. (74). at
E =E, +A. The system would then relax to its equilibrium, that is, x =1 and
E= Eg"‘;, thus radiating an energy A during its reorganization.

A second common interpretation of the reorganization energy is related to the
activation process rather than to a comparison between the gas and the condensed phases.
The activation barrier for the forward reaction is given by equating E™ and E™ in Egs.
(73) and (74). Thus it follows that x*, the normalized coordinate at the transition state, is
given by resolution of

E* = E2 4+ A(x*)? = B 4 A(1 — x#)?

which easily yields Eq. (75) when taking into account that AG® = Eg’(;‘ — Eifa,

excited

(a) (b) fundamental
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Figure 8. Potential energy-normalized reaction coordinate diagrams, without (a) or with (b) inter-
action between the initial and final subsystems (see text).
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AG®
“ A
. (o]
AEF = B — B = A(x*Y = 4(1 +49 ) a6)

Introduction of this value into Eq. (73) gives the activation energy in Eq. (76) for the
forward reaction.” Thus it is seen from the latter equation that A/4 is equal to the “intrin-
sic activation barrier” AGﬁ, that is, to the activation energy that would be obtained for
AG® = 0. Thus if a series of electron transfers with virtually identical A is considered,
determination of the activation barrier for AG® = 0 gives direct access to the experimental
value of A. Proponents of this second interpretation then prefer to reformulate Egs. (64) or
(76) under the equivalent form

. AG*\
AE} = AGi| 1 +— (77)
4AG?

To conclude, we discuss more deeply the energetic diagrams like that presented in
Fig. 8a. As noted previously. the A and D orbitals must interact in order that the electron
may be transferred. This simply means that an electronic coupling is observed between the
initial system and the final system. This results in mixing of the two systems, which
amounts to separating the potential energy curves in Fig. 8a into a lower (or fundamental)
state and an upper (or excited) state, as represented in Fig. 8b. Because the potential
energies of the electron tend to be identical for the initial and final systems when the
transition state is approached, the degree of mixing in this region is higher than near
the bottom of each potential well. Thus the maximal effect is reached at the transition
state, where a splitting of magnitude 2V; is observed [58].

In practice, as soon as 2V, > RT, that is, V, > 0.25kcal/mol at room temperature,
when the system crosses the transition point it remains on the lower curve and then reaches
the final system equilibrium. This corresponds to a probability of 1 for electron transfer
each time the system crosses the barrier (provided its momentum is in the right direction);
that is, x = 1.

When 2V, >~ RT, when reaching the transition point the system may “‘jump” onto
the upper curve. If so, when it goes backward it “falls” onto the lower curve, with a large
probability (because of the direction of its momentum) of advancing toward the initial
potential well. In such a case the electron has not been transferred and then « < 1.

When 2V, « RT, this phenomenon occurs almost every time the system crosses the
transition point, which means that « ~ 0 and no electron transfer occurs.

From these considerations it is understood that Eqs. (64). (76), and (77), derived
without considering electronic coupling, give activation energies overestimated by a term
V, and should normally be corrected. However, as noted for «, V, is predictable with
difficulty from simple considerations and is usually not included in the activation energy.

*Note that Eq. (76) is identical to Eq. (64).
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5. Energies and Free Energies in Electron Transfer Theories

In the preceding description of electron transfer theories, energies were used rather than
free energies. For a reaction in liquid phase AE is nearly identical with AH, so that the
results obtained earlier are valid as soon as entropic variations are negligible,” and thus
AE ~ AH ~ AG. In practice the distinction between AG and AE is forgotten. Since outer
sphere electron transfers involve small bond lengths or angle variations, this is acceptable
for inner shell components of activation free energies. Concerning outer shell components,
the approximation is considered not drastic and is equivalent [59] to those made for
solvation models (Born) or according to the Debye-Hiickel theory [la.c]. Thus, within
these approximations and that previously discussed dealing with V;, it is considered that
the activation rate constant of outer sphere electron transfers is given by [from Eq. (58)]

#
AG#/RT

kf = kZe (78)

with

A AG®
AGY =W’+Z(l+ ) (79

where AG® is the free energy change between the precursor and successor complexes:
AG® = F(Ed: b — E3/a-) — W, + W, (80)
and A is given in Egs. (66), (67), and (72).

6. Quadratic Free Energy Relationships (QFER)

When one considers a series of related electron transfers, that is, involving acceptors (and
donors) of reasonably close chemical electronic structures and radii, the reorganization
energy A should remain constant for the series. Thus it is seen from Eq. (79) that the
activation energy varies as a quadratic function of the driving force, in contrast to the
usual observation of linear free energy relationships in organic chemistry. As a result, the
Bronsted coefficient 8 varies linearly with the driving force, with a value of 0.5 at AG® = 0.
Indeed, from Eq. (78) and a derivation of Eq. (79), one obtains

alnk#) | AG®

ahce | =it @)

B = —RT(

When |AG°'| < A, the predictions of such an equation are in agreement with the
deductions of the Hammond postulate. Indeed, for exergonic reactions, 8 tends to zero
when AG® — — A, which corresponds to an activationless reaction. Conversely, for
endergonic reactions, 8 tends to unity when AG® —>), which features a barrierless
reaction. )

However, when |AG® | > A, B reaches negative values in the exergonic domain and is
greater than unity in the endergonic case, according to Eq. (81). To recall these facts, the
region such as |AG® | > A is usually called the abnormal or inverted region, the second

*Note that for the transition state, the entropy corresponding to the formation of pairs is included in
the models through the free energies of formation of the precursor or successor complexes (Secs.
II.C.1 and II1.C.2).
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term referring to the unusual decrease in rate constant with larger exergonicity of the
reaction. In actual practice there is a large debate about the experimental existence of
this inverted region. Moreover, more elaborate models have been proposed involving the
possible participation of excited vibronic states, which show that for most organic electron
transfers one should observe a normal behavior, that is [60].

AG* ~ W, or f=0for AG® < —x (82)

AG* ~ W, +AG® ,or B=1for AG® > A (83)

although AG”. given in Eq. (79), remains valid for |AG°/| > A

Similarly other models, such as the Marcus-Levine-Agmon [61] model, have been
developed that predict the nonex1stence of the inverted region. The latter model leads to
the AG* variations with AG® and A in Eq. (84):

AG* = AG® +

A _AG® 4ln2/a
41nzln(l +e ) (84)
Particularly interesting is that Eq. (84) respects the limits in Eqs. (82) and (83). For
intermediate values of the driving force, the calculated activation barrier from Eq. (84)
is very close to that obtained in the classic harmonic model developed in this section [Eq.
(79)]. Thus from an experimental point of view, distinction between the two models is
rather difficult or impossible [36a]. although totally different mathematical expressions for
AG* variations with AG® and A are obtained.
To conclude, we discuss the experimental use of Eq. (81). Indeed, in experimental
practice one has access to overall rate constants k¢ or ky, in Scheme 3 and Egs. (56). Thus
the experimental Bronsted coefficient B, is determined as in Eq. (85):

By = —RT(BI“ kf) (85)

0AG®

The latter becomes identical to that in Eq. (81) only when k; &~ k?é, that is, when k? < k‘fﬁf
in Eq. (54a). However, when diffusion of the reactants or products becomes the rate-
determining factor, kf ~ k}ﬁf . as discussed earlier. Owing to the discreteness of homoge-
neous experimental data, the shift from an activation control to a diffusion control of the
reaction is usually difficult to appreciate, particularly in the endergonic region. The per-
versity of the problem is even larger when one realizes that application of Eq. (85) to a
diffusion-controlled reaction yields B, = 0 for exergonic situations and B, = 1 for
endergonic, owing to the two components in the overall pseudo-rate constant kf in
Eq. (54a). The difficulty is greater as the reorganization energy A decreases, as evidenced
by Fig. 9. This caveat [36] is conveniently represented in Fig, 10, which summarizes the
various conclusions reached here in the form of a plot of AG® versus A. Indeed, it is seen
from this diagram that according to the location of a given system, the physical meaning
of experimental activation energies obtained by strict application of Eq. (86) [deduced
from Eq. (78), assuming « = 1] may greatly differ [36a].

kf

AGE,, = —RTIn (86)
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Figure 9. Variations in the observed rate constant k; as a function of the driving force for various
values of the reorganization energy (numbers on the curves in kcal/mol). The solid curves correspond
to an activation control. The hatched zone corresponds to a diffusion control (compare Fig. 4).

7. Cross-Relationships: Evaluation of Rate Constants from Isotopic Rate Constants

An interesting consequence of the additive formulation in Egs. (66) and (67) of the reor-
ganization energy AP for an A/D electron transfer is that it may be broken in three
components: A5°, the outer shell reorganization, and A® and AL, which involve the
inner shell contributions related specifically to bond length and bond angle variations in
the acceptor (and the donor) center:

AAD = 38D a8 D (87)
On the other hand, for the isotopic electron transfer, that is,
A*+A"=A*"4+A (or D*+D'=D"+D)
the inner shell component for the reorganization energy becomes
ABA = A
since two A centers are involved; similarly, AP® = 2AP for the isotopic electron transfer

relative to the donor. Thus it follows that Eq. (87) may be rewritten under the form in Eq.
(88):

v L 20 4
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Figure 10. Relationship between the driving force and the reorganization energy for the reaction
to be under activation control or diffusion control (hatched zone). The boundaries between the two
zones are given for various values of k& :kgxr . The boxes correspond to the location of the
experimental systems in Fig. 11 (I) or 12 (II).




Basic Concepts 35

3 AD =)»OAD_|_ (AMA 4 \DD) (88)

Formally A5P cannot be split into two (A and D) components because of the pre-
sence of r &~ a, + ap in Eq. (72), which acts as a coupling term. Yet a tedious but ele-
mentary algebraic transformation allows Eq. (72) to be rewritten as

ap —a 2
AP = 104 4207)| 1 4 Ba—20) (#)
(aa +ap)

In Eq. (89), ASA and AODD are the outer shell reorganization energies for the respective
isotopic electron transfers, defined similarly as A2P in Eq. (72). Thus as soon as the
equivalent radii for the acceptor and the donor do not differ by a factor larger than 2
one gets within about 10% precision:

AP =1(8A 1 A0P)

Introduction of this latter result into Eq. (88) allows one to formulate AP as the sum
of two components relative to the individual isotopic reactions in Eq. (90):

)\, %[(AAA + A,AA) + (A,DD + A,DD)] — %()\AA + }»DD) (90)

The operative interest of such a cross-relationship is extreme, since when associated with
Egs. (78) through (80) it allows an a priori estimation of the rate constant of any outer
sphere electron transfer reaction provided the corresponding standard reduction potentials
and isotopic rate constants are known. Yet a caveat in this approach is the necessity that
« =1 for all reactions, that is, that there is always sufficient overlap between the orbitals
[62].

8. Experimental Illustrations

The purpose of this section is not to present a compendium or a discussion of the numer-
ous experimental illustrations of the validity of electron transfer theories, but rather to
select two typical examples that illustrate the main features of these theories in organic
chemistry [63].

a. Validity of QFER over a Wide Domain of Free Energies. The main difficulty in
discussing the dependence of rate constants with driving force over a wide domain
stems from the fact that, to be significant, the series must involve electron transfers with
nearly constant reorganization energies. However, it is easily understood that the two
requirements (AG® over several tens of kilocalories per mole but A invariant) are diffi-
cult to satisfy simultaneously.

Such a series, which extends over nearly 70 kcal/mol in AG®, has been presented by
Rehm and Weller [64]. The series corresponds to electron transfer between an excited
acceptor and a donor acting as a quencher or between an excited donor and an acceptor
quencher. Thus rate constants, ranging from 10° to 2 x 10'°°M~'s7!, have been deter-
mined for more than 60 different donor-acceptor systems in acetonltnle. Examination of
the corresponding results, presented in Fig. 11, clearly shows that three domains may be
defined: (1) AG® < —10kcal/mol, where ks is independent of the driving force, that is,
where B, = 0; (2) —10kcal/mol < AG® < 10kcal/mol, where B, varies from zero to
unity; (3) AG® > 10kcal/mol, where 8 = 1. These data, corrected for diffusion compo-
nents, correspond to an activation control of the electron transfer reactions. They quali-
tatively agree with the predictions of Egs. (78) and (79) for [AG®| < 10 kcal/mol but show
that Eq. (79) is not valid outside this range, Eqgs. (82) and (83) being more adequate. As
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Figure 11. Linear energy relationship over an extended domain of driving force. (Experimental
data from Ref. 64.)

such they have been considered a convincing experimental argument for the nonexistence
of the inverted region [65]. Yet, owing to the large scatter of the data, a precise determina-
tion of the validity of Eq. (79) in the intermediate (JAG®| < 10 kcal/mol) free energy range
is impossible.

b. Validity of the QFER for Low-Endergonicities or Exergonicities. In order to
test the experimental validity of the quadratic relationship between AG* and AG®, a
rather small free energy domain needs to be investigated. As a consequence, even small
variations in A result in too large a scatter of the data for significant quantitative con-
clusions to be drawn (compare the data in Fig. 11 for |AG®°| < 10kcal/mol). Thus a ser-
ies of very closely related redox couples must be investigated.” A series meeting these
requirements is given by the endergonic oxidation in acetronitrile of methylbenzenes by
tris-(5X-phenantroline)-iron(IIl), X = H, Cl, NO,, already discussed [36a,c]. Indeed, for
such a series the inner shell contributions are minimal owing to the close identity of the
iron(II/III) complexes [66] and the small distortions of the arene cation radical vis-a-vis
the neutral (for CsH, the inner shell reorganization energy from a nuclear configuration
corresponding to benzene involves a Jahn-Teller distortion [67] and has been evaluated
to approximately 3 kcal/mol by Salem [67c]). Thus the outer shell reorganization energy
predicted according to Eq. (72) is (A, in kcal/mol: aa,. ag, and r = aa, + ag, in A)

ho = 1.67 x 102( : _i>(L+L_Z)
Eop &/ \aAr Ape T

that is, A, =~ 21 kcal/mol for a,, ~ 3.5A, ap, ~ 7 A [68], and &, = 37.5 and ¢, = nop
(1.34)° for acetonitrile. The resultmg predicted value of the global reorganization energy is
then 24 kcal/mol for each couple in the series.

Figure 12a indicates how the measured rate constant k; for the endergonic electron
transfer oxidation of methylbenzene by (phen)s-iron(IIl) complexes varies with the driving
force. It is seen from these data that, provided that AG® < 10kcal/mol, a very good fit is
obtained with the rate constant predicted from Eqgs. (78) through (80) on the basis of an
activation control of the overall reaction when using x=1.Z =10"M"'s™!, and

“Note that the corresponding condition is more easily satisfied for electron transfer at electrodes,
owing to the easy variation of the driving force, by adjustment of the electrode potential without
modification of the redox couple.
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Figure 12. Quadratic free energy relationship in the low endergonic region for the oxidation of
methylbenzenes by Fe(phen)gf (a) Experimental variation of the observed rate constant compared
with the theoretical variations (solid cutve): (- - -) activation or (-----) diffusion controls. (b)
Experimental relationship between the activation free energy and the driving force compared with
the theoretical variations for A = 27 kcal/mol in the solid curve: (- - -) polynomial regression in Eq.
(92) [36a,c]. (Data from Ref. 36.)

A = 24 kcal/mol, determined earlier. However, for larger positive values of AGOI, the
diffusion processes contribute significantly to the experimental rate constant. Yet the
activation rate constant k# may be extracted from the experimental k; data through the
use of Eq. (56a). The real actlvatlon free energy AG# is then derived through Eq. (78) and
plotted as a function of AG® = AG® + W,, in Fig. 17b Quadratic regression analysis of
these data allowed their fit by a second—order polynomial expression in Eq. (91) [36a,c]
(represented as the dashed line in Fig. 12b):

AGf = 6.7+ 0.50AG° +8.7 x 107°(AG® )? o1

which is in good agreement with the predicted variations in Eq. (79) for = 27 kcal/mol.
Indeed, development of Eq. (79) with A = 27 kcal/mol yields

AG! = 6.7+ 0.50AG° +9.3 x 1073 (AG®')?

Another way to appreciate the correctness of Eq. (79) in the prediction of the
experimental barrier consists in the evaluation of A for each individual couple as presented
in Table 3. Indeed, from Eq. (79), A is obtained through the solution of the second-order
equation

22+ 2(AG° - 2AGHA + (AG® ) = 0 (92)

z
AG! = RT 111@ (93)

where AG®" and the experimental activation free energy AG? from Eq. (93) are known.
Thus a value of 27.0 kcal/mol (standard deviation 3.3 kcal/mol, 11 data) is obtained for the
average reorganization energy, which is in very close agreement with that predicted
(24 kcal/mol).
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Table 3. Experimental Evaluation of the Reorganization Energy A for the Oxidation of
Methylbenzenes by Tris-(5X-phenantroline)-Iron(IIT) Complexes

a a
Methylbenzene X 2G°' AG#;- X )‘averagea ,b
H 11.2 13.4 26.4
Cl 8.86 12.6 30.1 28.2 (1.8)
NOg 6.55 10.7 28.2
H 14.2 15.6 26.4
@ Cl 11.9 13.9 26.4 26.3 (0.4)
NOg 9.55 12.4 27.1
H 16.0 16.8 24.9
@ c1 13.7 13.4 —c 25.1 (0.2)
NO2 11.4 13.3 25.2
H 15.8 18.0 32.8
Cl 13.5 14.0 19.8 27.3 (6.7)
NOg 11.2 14.0 29.3
“In kcal/mol.
PAverage value for a given arene, standard deviation indicated in parentheses. For all couples A,, = 27.0 (3.3)
kcal/mol.

°Not determinable since AG' > AG®
Source: Data from Ref. 36a.

ll. FUNDAMENTAL ASPECTS OF ELECTRODE PHENOMENA
A. Monitoring a Half-Reaction: The Electrochemical Cell

1. Monitoring a Half-Reaction

In homogeneous chemistry an electron transfer reaction involves two reactants, an accep-
tor A and a donor D. Thus, formally, an electron transfer reaction consists of the super-
imposition of two elementary chemical acts: the reduction of the acceptor and the
oxidation of the donor. Yet as discussed in the first part of this chapter, since more
attention is given to one of these elemental reactions, the overall reaction is termed a
reduction when the acceptor is the compound of interest or an oxidation when chemical
transformation of the donor is favored.

In electrochemistry the same phenomenon (essentially related to charge conserva-
tion) occurs, yet the reduction of the acceptor A occurs at one electrode (the cathode in
electrolytic cells) and the oxidation of the donor D at the other (anode). Thus the kinetics"
of the overall cell reaction depends on both half-reactions, in a similar way as the kinetics
of a homogeneous electron transfer depends on the acceptor and the donor. However,

“That is, the current flowing through the cell, since it corresponds to the number of electrons
consumed at each electrode per unit of time.
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because the two half-reactions occur at different locations, it is technologically possible to
break the coupling between the two electrodes. This is done via two different approaches,
based on the same principle, that take advantage of the potential distribution in an
electrochemical cell, shown in Fig. 13a. From this schematic representation it is seen
that the potential difference @ between the two electrodes is the sum of three components:
two of them, ®_,; and ®,,, are related to each electrode, and the third, Ri, arises because of
the ohmic drop due to the current flow through the resistive solution. The potential
variation observed at each electrode is localized within an extremely thin layer
(<100 A) of solution adjacent to the solution (Sec. I11.A.4), which means that the overall
cell behaves like an electrical circuit composed in part of two capacitors and a resistance as
sketched in Fig. 13b. However, such a simple circuit is not sufficient since it does not allow
constant current to flow through the cell because of the capacitors. In practice, two
additional impedances, Z., and Z,,' must be added in parallel with each capacitor,
which correspond to the electrochemical reactions taking place at the electrodes. The latter
are necessarily in parallel with the capacitors, as shown in Fig. 13c, since they use the
potential difference between the electrode and the local solution as their driving force and
act as derivations allowing the current to flow. Thus it is easily understood that when a
given potential difference is imposed between the two electrodes, the three individual
potential drops @, @,,, and Ri must adjust in order that the currents flowing through
each impedance and through the solution are equal; this results in coupling the processes
occurring at each electrode and in the solution.

Thus to individualize one of the electrodes it is necessary to control, that is, to
measure or to impose, its individual potential difference versus the solution (@, or
®,,). This is done via the introduction of a third electrode, the reference electrode Ref,
placed in the solution near the electrode of interest (hereafter named the working electrode
W, the other electrode being called the auxiliary electrode A). Because of its characteristics
(Sec. II1.C.3), the reference electrode imposes a potential difference ®g.r ~ Eger vis-a-vis
the point of the solution where it is located. ®g.s may include various components related
to the redox half-reaction or junction potentials, for example, but is independent of the
current flowing through the reference electrode. Such a three-electrode system, sketched in
Fig. 13d, formally allows the physical individualization of the working electrode. Indeed,
one may, impose an arbitrary potential difference @y — @4, for example, between the
working and auxiliary electrode, measure the resulting @y, — ®g¢ potential difference, and
compare it to the desired value E to be imposed. If @y — Dger is too small, By, — Dy is
increased; if @y — @p.r is too large, Oy — @4 is decreased. Thus Oy — Prer is progres-
sively adjusted to the selected value E (note then that @y — @y is also imposed as a result
of the procedure, but its exact value is a priori of no interest). Then the current i flowing
through the cell may be measured and related to the potential E. Repetition of the whole
procedure allows the current-potential characteristic, that is, the (i, E) relationship, of the
half-reaction taking place at the working electrode to be determined. Yet, although pos-
sible, if the whole procedure were performed manually, it would take several hours to
record precisely an (i, E) characteristic. Thus pertinent electronic apparatus, called poten-
tiostats [69], have been designed to perform the whole procedure within microseconds or
less [70]. Besides their convenience, potentiostats allow the recording of transient electro-
chemical kinetics, which would not have been possible manually.

TZC.M and Z,, are called faradaic impedances because of their origin.
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The second approach, although used first in electrochemistry, derives from that
corresponding to three electrodes and potentiostat. It consists of using a reference elec-
trode as the auxiliary electrode. This is indeed possible, provided the size of the reference
electrode is sufficiently large for the current density flowing through it to be infinitely
small, although the current may be large. The potential difference between the reference-
auxiliary electrode (called a counterelectrode in a two-electrode device) and the solution in
its near proximity is thus constant (Sec. ITI.C.3). The potential difference ®y, associated
with the working electrode is then given by

Oy = O — Ocp — Ri (94)

which shows that, provided that ® > Ri, ®y is measured (or imposed) within a con-
stant term ®cg when the overall potential difference ® is measured (or imposed). This
second approach has been discarded vis-a-vis the three-electrode potentiostat approach
because in organic electrochemistry the resistance of solutions is usually large so that
the ohmic drop term Ri is not negligible under the usual conditions.” Thus the rela-
tionship between ®w and ® depends on the current flowing through the cell. Note that
a similar problem is also involved for the three-electrode approach, since the working
and reference electrodes are separated physically by part of the solution, which intro-
duces an ohmic drop component in the potential difference between the working
electrode and the reference electrode. Yet this effect is usually smaller because the
resistance Rg involved is smaller and is eventually corrected via additional electronic
circuitry in the potentiostat [69].

2. The Electrochemical Cell

From this presentation it is seen that electrochemical data that pertain to a single half-
reaction taking place at the working electrode can be experimentally obtained. In our
opinion this is one of the greatest advantages of electrochemistry, although not really
identified and recognized in other fields of chemistry. Indeed, whatever the homogeneous
chemical technique used, the chemistry associated with a donor-acceptor couple necessa-
rily depends on both members.

Another important advantage, less apparent in this presentation, is that because of
the involvement of an external electrical driving force, electrochemistry allows overall
endergonic reactions to be performed at a considerable rate. Indeed, let us consider the
a priori endergonic electron transfer reaction in Eq. (95):

A+D=A"+D? (95)

Thus under electrochemical conditions, A can be reduced and D oxidized provided that
sufficient cathodic and anodic potentials are applied. Yet upon preparative-scale electro-
lysis, A7 and D" recombine to A and D, except if they react chemically:

“However, it regains interest with the development of ultramicroelectrodes. Indeed, because of their
micrometer (or smaller) sizes, the currents are of the order of nanoamperes. Thus even with R of
several kilo-ohms, the ohmic drop term is totally negligible.

In the latter case, the current is measured and a Ri term is reinjected via a feedback loop so that
the potentiostat actually imposes the potential difference E + R,i between the working electrode and
the reference electrode; this results in ““cancelling” the ohmic drop (Fig. 13e).
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Cathode: A+e=A"— ...

Anode: D—e=Dt— ...

Thus in the absence of chemical reaction or when undesired reactions between the
follow-up product(s) may arise, it is necessary to avoid the unwanted reaction. Taking
advantage of the different physical locations of the two electrodes, this is done by separ-
ating the solution into two parts (catholyte and anolyte, respectively) using a glass frit or a
membrane so that the electrical connection (via ionic transport; see Sec. IV.A.2) is not
interrupted [71].

3. Resistive Effects and Ohmic Drop: The Supporting Electrolyte-Solvent System

In the preceding part of this section we focused our attention on the electrodes, where the
real electrochemical events occur. Yet as already explained, the current exchanged at the
electrodes must flow through the cell, that is, through the solution between the working
and counter or auxiliary electrodes. For this reason the solution must be conducting;
otherwise no current flows, even when the electrode processes are extremely easy.
Indeed, if the resistance of the solution is R and i the current flowing through the cell,
Ohm’s law indicates that the potential ““lost™ for conducting purposes is Ri.” In practice,
ohmic drop can be overcome by increasing the potential difference between the working
and auxiliary electrodes by the amount required. Yet this is not an acceptable solution
because of the electrical power required and the thermal energy dissipation. Indeed, Ri is
associated with an electrical power Ri® that is dissipated thermally in the solution and
needs to be supplied by the potentiostat or the external power supply connected to the cell.
To roughly quantify these effects, let us consider a laboratory electrolysis cell in which
i=1A is required. Let us assume that R = 1002, a common figure for most organic
solutions. Thus Ri = 100V and Ri* = 0.1 kW. For an average thermal capacitance of 1
cal/K per ml and a cell of 100 ml, for example, this amounts to a temperature increase in
the cell of approximately 0.25°C/s when it does not exchange energy with the external
atmosphere. Thus in an actual experiment the cell must be cooled so that its temperature is
maintained within reasonable limits. In other words, this means that an additional 0.1 kW
power must be lost to cool the cell.

At the laboratory scale these energetic losses are easily controlled; thus the main
problem, relates to the potentiostat, or potential supply, power limitation, since most of
the usual equipment affords between 70 and 100 W of usable electrical power. At the
industrial scale, since the current intensities are considerably larger, serious problems
arise from lost energy and temperature control of the cell.

To conclude this introductory section concerning ohmic drop effects, let us consider
the case of transient electrochemical techniques. In this case the currents are of the order
of few milliamperes or less, and thus all these effects should cancel. Unfortunately, this is
not the case because of the size of the working electrodes. Indeed, these are often of
millimetric dimensions, which amounts to a considerable narrowing of the field lines
near the tip of the working electrode.! As a result the resistance increases, and most of

"Ri is usually said to be the “ohmic drop” to recall that this potential is not used for purely
electrochemical purposes.
The auxiliary electrode is usually of considerably larger dimensions (I to several cm”). Thus the
equivalent conductor should be thought of as a cone rather than as a cylinder as for preparative cells.
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it is concentrated near the very tip of the working electrode, even when a Luggin-Haber
capillary probe is used for the reference [72]. Resistances of several kilo-ohms are fre-
quently involved, which introduces important difficulties for an exact control of the
potential of the working electrode [compare Eq. (94)]. Obviously, when one does not
care about such control, this should not be perceived as a limitation, and rather resistive
solutions may be used. Note also in this respect that when the working electrode is a disk
of radius ry, the resistance R varies as 1/rg provided the auxiliary electrode is of consider-
ably larger dimensions. On the other hand, the current flowing through the electrode is
proportional to its surface area (Sec. I1I.B), provided the electrode is not under diffusional
steady state. Thus the ohmic drop is proportional to ry and decreases when the latter
decreases. This explains one of the advantages of ultramicroelectrodes, at which ohmic
drop effects naturally cancel since rg is of the order of a few micrometers [73].

This discussion and presentation of ohmic drop problems should lead to the con-
clusion that, with maybe an exception for ultramicroelectrodes, the resistivity of electro-
chemical solutions must be decreased as much as possible.

In solutions, the current is necessarily carried by dissociated ionic species. Theories
of this phenomenon are well developed and presented in most introductory electrochem-
istry textbooks. Yet it is sufficient for our purpose here to recall that the resistance is then
inversely proportional to the concentration of the dissociated electrolyte (Sec. IV.A.2) for
the usual case of a 1:1 electrolyte (e.g., NBuf BF; and NE{ BFy). Thus a normal means to
decrease ohmic drop is to add an inert” electrolyte in large concentration. Yet as men-
tioned earlier, only the dissociated ions participate in the current transport since electri-
cally neutral ion pairs play no role. Thus it is important that most of the supporting
electrolyte be dissociated. Such a condition, together with the large concentrations
required (approximately 0.1 M), implies that a rather dissociating solvent is used. This
is the reason that, in organic electrochemistry, the preference is for solvents with rather
large dielectric constants (¢, > 10) and supporting electrolytes with rather large ions (e.g.,
NBuj BF}). Considering these conditions and that the solvent should be able to dissolve
organic molecules explains why most electrochemical experiments involve a narrow class
of solvents, such as acetonitrile (&, = 37.5), dimethylformamide (40), dimethyl sulfoxide
(46.7), and propylene carbonate (36.7) [71].

4. The Electrode/Solution Interfacial Region

To simplify the following discussion, we restrict it to the case of a cathode. Obviously,
however, the results and phenomena directly apply to anodes, cations being replaced by
anions, and vice versa.

Experimentally it was early recognized that an electrode/solution interphase behaves
as a capacitor' [74]. This is because the negatively charged surface of the cathode gen-
erates a very strong electrical field that tends to attract positive ions from the solution, as
sketched in Fig. 14a. The positive layer thus formed exerts, on the solution side, an
electrical field of opposite direction that attracts negative ions from the solution.

““Inert” means that the electrolyte is not involved in the electrochemical transformation occurring at
the electrodes. The electrolyte is usually also called the supporting electrolyte after its function of
“supporting” the current flow through the cell.

Note that this property is used in electronics in the so-called electrochemical capacitors, which are
no more than electrochemical cells without faradaic reactions.
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Figure 14. Schematic representation of the electrode-solution interfacial region. (a) Helmholtz
model; (b) structured layer model; (c) thermally disorganized layers; and (d) resulting potential
variations with distance of the electrode; @y, electrode potential; @, solgtion potential; OHP,
outer Helmholtz plane (few A); Xo, extremity of the diffuse layer (few tens of A); x < Xoyp. compact
layer; Xogp < X < X, diffuse layer.

However, since this latter field is partly compensated by that resulting from the negative
charges in the electrode, the charge density of the anionic layer is smaller than that of the
cationic one. Repetition of this phenomenon results in alternating layers of positive and
negative charges, with a charge density in each layer, however, decreasing with the elec-
trode distance, as pictured in Fig. 14b. Because of the decreased in electrical field with
distance, the successive layers are less and less bound. Then, owing to thermal agitation,
these layers cannot be as rigid as might be deduced from the preceding presentation and
interpenetrate each other except for the first, which is tightly bound to the electrode [75].
This phenomenon is indicated by the corresponding names compact layer for the first layer
and diffuse layer for the remaining part; both of them constitute the double layer and act
as two capacitors in series. The capacitance (usually 20-50 ;/,F/cmz) and dimensions (a few
angstroms for the compact layer and a few tens of angstroms for the diffuse layer) may be
evaluated via the Gouy-Chapman-Stern theory [76]. which is developed in most electro-
chemical textbooks. The main conclusions of this model, which are in general agreement
with experimental observations, are the following: (1) because of the compact layer, a large
potential drop arises within a few angstroms of the electrode surface (compare Fig. 14d);
thus most of the potential difference between the electrode and the solution is lost at the
end of the compact layer (i.e., at the outer Helmholtz plane, OHP); (2) the potential
difference between the OHP and the solution results in an electrical field considerably
lower than that between the electrode and the OHP, which nearly exponentially decays
with distance; (3) beyond several tens of angstroms from the electrode the potential is
identical to that in the bulk of the solution, except for eventual ohmic drop effects, as
discussed earlier (compare Fig. 13a); (4) as a result of the third conclusion, beyond a few
tens of angstroms the electrode exerts no electrostatic attraction or repulsion on any ionic
species, which explains why an anion may be reduced or a cation oxidized at electrodes.

B. General Overview of an Electrode Reaction

When thinking of any electrochemical reaction, it is important to remember that the very
act of electron transfer takes place at a surface, whereas the material to be reduced or
oxidized is dispersed in a volumetric phase. Thus mass transfer from the bulk of the
solution (or to the bulk solution, for the products) plays a central role in electrochemical
processes. As such the physical processes of mass transfer (diffusion, migration, and
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convection; see Sec. IV.A.1) have received considerable attention in the electrochemical
literature and are discussed separately in a later section of this chapter. For our purpose
here, it is sufficient to know that mass transfer results in the creation of concentration
profiles as a function of the distance from the electrode, as illustrated in Fig. 15. For most
of the usual electrochemical situations these profiles extend over a few to a few tens of
micrometers from the electrode surface. Beyond this region, called the diffusion layer,
where mass transfer processes are effective, the solution is homogeneous (except for con-
vective effects as in “homogeneous chemistry”).

Thus a simple electrode reaction involves successively the following three steps: (1)
mass transfer of the reactant from the bulk solution to the electrode; (2) electron transfer
at the electrode surface; and (3) mass transfer of the product of the reaction from the
electrode surface to the bulk solution. These three elementary steps may be perturbed by
earlier or later chemical steps and by adsorption or desorption phenomena at the electrode
surface. Each of these processes may become the rate-determining step or may interfere
significantly in the overall kinetics. At first glance the situation then seems much more
complicated than in homogeneous chemistry. Yet this is only an illusion because most of
these steps have their exact counterparts in homogeneous chemistry. Mass transfer corre-
sponds to the diffusion control of a chemical reaction as described. Earlier or later che-
mical steps are involved in most homogeneous electron transfer reactions. Adsorption and
desorption are analogous to the formation of stable precursor or successor complexes.
Electron transfer to or from an adsorbed species is very reminiscent of inner sphere
reductions or oxidations. These analogies are not fortuitous; indeed, an electrode may
be viewed as a gigantic molecule whose reducing or oxidizing power is adjustable at will.

C. Kinetics of Heterogeneous Electron Transfers

1. Mechanism and Theory of Outer Sphere Electron Transfers at Electrodes

In the following we consider an outer sphere electron transfer reaction involving the
exchange of n electrons (n > 0 for reduction; n < 0 for an oxidation) in Eq. (96), taking
place at an electrode whose potential is E.”
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Figure 15. Concentration profiles for the reactant and the product as a function of the electrode
distance x in (a) transient or (b) steady-state electrochemical techniques: § and 8o,y diffusion layer
and stagnant layer thicknesses.

“From the discussion in Sec. II[.A.1), E = @y — ®g. Yet when E° is given vis-a-vis the same
reference, the contribution of the reference cancels in the difference E — E°. Thus in the following
E is considered the electrode potential vis-a-vis that of the solution.
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R+ne="P (E%) (96)

The electrode is supposed to have no particular interaction with R or P. Its surface area is
hereafter designated by A.

Because in electrochemical reactions electron transfers occur near the electrode/solu-
tion interface, that is, at a two-dimensional surface, it is more suitable to refer to the
number of moles converted per unit of time and unit of electrode surface area, dNg /dt and
dN,/dt, rather than using concentrations as in homogeneous kinetics. Since there is no
stable interaction with the electrode, dNg /dt = —dN,/dt. On the other hand, each mole of
the reactant R electrolyzed corresponds to a charge nF transferred that affords the charge
consumed per unit of time, that is, the current:

dNg ., dNp
Tdt nFA dt

Since the definition of E° in Eq. (96) refers to standard conditions, that is, conditions in
which no external electrical field applies on the reactant or the product, it is more con-
venient to consider the act of electron transfer as a succession of three individual steps as
outlined in Scheme 5, which is reminiscent of that in Scheme 3 established for the homo-
geneous analogous situation (Sec. II1.C.1). In Scheme 5, Ry or Py relates to R or P in the
closest plane to the electrode where no electrical potential applies, that is, at the “end” of
the diffuse layer,Jr denoted x, in Fig. 14d. Ry and Py relates to R and P at the site of
electron transfer xg, usually considered close to or slightly within the OHP, where an
electrical potential @, (i.e., the electrical potential at the electron transfer site) applies.

i= —nFA o7

k¢
Overall: Ro+ne 2T Py (E°; AG®)
ky
Diffusion/Migration:
kact
Activation: Rg +ne ot Py (E° + @, ; AG")
Scheme 5

Let (R)o and (P), be the activities of R and P at x, and (R)¢ and (P)4, those at x = xg
(the electron activity is not considered because it is implicitly included in the potentials).
For all the electron transfer reactions investigated up to now, the rates of the diffusion-
migration steps in Scheme 5 do not limit the overall process. Although this may be of
importance for the prediction of the maximal rate of electron transfer at an electrode, we
do not consider the possible kinetic limitation by either of these physical processes (com-
pare the diffusion control of an homogeneous electron transfer discussed earlier). Thus,
within this restriction, the existence of the diffusion-migration processes involves only
thermodynamic contributions. Thus the overall rate constants in Scheme 5, defined in
Eq. (98),

TNote that this limit must not be confused with that of the diffusion layer/bulk solution interface,
owing to the extreme differences in size: some tens of angstroms for the double layer and some tens
of micrometers for the diffusion layer.
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i  —dNg de
nFA~— dt dt
are related to the true activation constants via the relationship in Egs. (99) and (100) where

AGY and AGE, are the respective free energy changes for R and P between the end of the
diffuse layer and the electron transfer site.

= ke(R)g — kp(P)o (98)

—AGE/RT

ke = ki”e 99)

—AGL/RT

ky = ki (100)

Note that because of their definitions in Eq. (98), the heterogeneous rate constants are
expressed in units of length per units of time (usually in cms™! in the electrochemical
literature). As for the homogeneous case, it is more convenient to separate the terms
arising from electrical potential from those, AS,,;,, of entropic nature, due to the forma-
tion of a pair electrode/molecule. Thus AGhH = ZzF®d, — TASps:  and AGE =
Z,F®, — TAS,,;;, where Zg and Zp are the respective ionic charges of R and P (note
that Zp = Zg —n because of the charge balance). On the other hand, ki and ki are
obtained from the absolute rate constant theory as
—AGX/RT
kact — ET_C f /
F " h
—AG/RT
kact — k_FI:e b/
® T h
This allows one finally to write the experimentally observed rate constants as in Egs. (101)
and (102):

_AGI)C[ R
ke = Zele—ZRFtD/RTe ¢ /RT (101)

—AG*'/RT
ky = Zye ZPFO/RTg A0/ (102)

where Zy = (kT /h)e23/®R is shown from classic statistic thermodynamics to be related to
the collision frequency of a molecule on a wall [50], that is,

1/2
Z = ( RT ) (103)

2rm

in which m is the molar mass of R or P. For most organic molecules, Z, is of the order of
approximately 2 x 10°cms~'. Note, however, that no transmission coefficient [compare
the « terms in the homogeneous analog rate constants in Egs. (58) and (59)] is included in
Egs. (101) and (102). Indeed, the orbital variety at an electrode surface is sufficiently wide
for convenient overlap to occur with most organic molecules prone to outer sphere elec-
tron transfer, so that the adiabatic requirement is generally fulfilled. Moreover, Hale [77]
estimated that electron transfers at an electrode are adabatic as soon as the electron
transfer site is within 15 A of the electrode surface, for most organic molecules.

Thus, determination of the rate constants in Eq. (101) or (102) requires only that of
AG, since AGE = AGX — AG®', AG®' being the free energy of the electron transfer
between Rg and Py (compare Scheme 5):

AG® = AG® — ZgxF®, + ZpF®, = nF(E — E°) — nFd,




48 Amatore

that is,
AG® = nF(E — E° — @) (104)

The forward activation free energy is determined along the same lines as presented
for homogeneous electron transfer since both problems are strictly equivalent
[43,44,78,79]. Thus, AG®' is given as a function of the local driving force [AG® in Eq.
(104)] and of the associated reorganization energy A° ! by the expression in Eq. (105), which
derives from Eq. (64).

n 2
A AG°®
AGH = (1+?) (105)

Again A% involves two contributions, of inner shell A% and outer shell A% nature, but these
are contributions that relate only to the R/P couple since the electrode is not affected by
the electron transfer. A{! may be evaluated from bond length and bond angle variations, as
is its homogeneous analog in Eq. (67).

For the evaluation of A%, the same model as in the homogeneous case is used, yet the
electrode is replaced by the electrical image of reactant for the initial system (or that of the
product for the final system) through the electrode, which acts as a electrostatic mirror.
However, since these images are imaginary, only the real contributions are considered for
the final evaluation of A%, given in Eq. (106).

7
1 1 1 I\ 5
)\’E] N I = 4
A8 87 (80}‘1 85) (aR rd))n (106)

In Eq. (106), ag is the equivalent radius of R (or P) and rq is the distance between the
centers of the R (or P) molecule and its electrical image when R (or P) is at the electron
transfer site. In practice, Marcus approximates rq by 2ag, assuming that the molecule is in
contact with the electrode surface when at the electron transfer site. Thus it follows that A%
is given in Eq. (107) [43a,b]:

e /1 1) 1
()‘f)l)Marcus = Nja g (;(;; - _> En (107)

Hush [78¢] disagrees with the formulation in Eq. (106), considering that the solvent
polarization does not affect the potential in the double layer, the compact layer acting as
an electrostatic Faraday cage. Thus the incidental solvent fluctuations energetically affect
only R or P, without consideration of their images [note that this amounts to considering
I as infinite in Eq. (106)]. Thus Hush proposed the expression in Eq. (108) for the outer
shell reorganization energy:

2

el 2 1 1 1 2
O‘-o )Hush NA 87 (80}) 8—5 —n (108)

Interestingly, the Marcus heterogeneous reorganization energy (A )arcus i Eq.
(107) is exactly half that, ARR, of the homogeneous isotopic electron transfer:
R*+P=P" +R
whereas that proposed by Hush is identical to AXR. Based on this analogy, an elegant series

of experiments by Kojima and Bard [80] led to the conclusion that Hush’s reorganization
energy is more adequate [81].
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Introduction of A% =A% + A" in Eq. (105), when taking into account Egs. (104),
(101), (102), and (98), allows the expression of the current to be predicted as in Eq. (109),
where k(E) is the apparent rate constant for an electrode potential E. k(E) is given in Eq.
(110) under a formulation modeled on that of the empirical Volmer and Butler law [82],
where the transfer coefficient « is given in Eq. (111).

i = nFAK(E)[(R), — (P)oe" E-EVRT] (109)

k(E) = k?e(an_zk)N)S/RTe_anF(E_EO)/ RT (110)

. , F(E—E° — )
C=r;T e

42°
The true standard heterogeneous rate constant k? is expressed in Eq. (112) as a function of

2%, Yet note that usually the intrinsic standard heterogeneous rate constant k® in Eq. (113)
is defined and used rather than k.

(111)

K0 = Z e " /4RT (112)

10— k?e(om—ZR)Fd)s/RT 113)
Provided the exponential term in Eq. (113), called the Frumkin correction, is invariant
with E, that is, when @, does not depend on the electrode potential, both are constant and
characterize the R/P electron transfer independently of the electrode potential. Otherwise
k? is preferred. In the following we nevertheless use k° for simplicity in the formulations.

2. The Transfer Coefficient «

The formulation in Eq. (110) shows that the apparent heterogeneous rate constant k(E)
depends on the potential. This dependence has been observed experimentally since the
earliest times of electrode kinetics and is at the origin of the so-called Tafel plots [83].
Indeed, when the potential E is sufficiently different from E°, for example
nF(E — E°) « 0, the term relative to (P)y in Eq. (109) vanishes and the current is given
by Eq. (114).

i = nFAK(E)(R), = nFAK’e *"FE-EVRT(R) (114)

When (R), is maintained constant, then a plot of the logarithm of the current versus the
potential yields a straight line of slope anF/RT, provided that « is constant. Thus such
observations led Butler and Volmer, two pioneers in this area, to propose an empirical law
[82], named after them, in the form of Eq. (109), with « an adjustable constant parameter.
« is called the transfer coefficient after the following observation: when the driving force,
that is, —nF(E — E°) in Eq. (114), is increased, only a fraction « of the additional energy is
used to increase the apparent rate constant. Thus, « is the fraction of the driving force
transferred for kinetic purposes and plays a role identical to that of the Bronsted coeffi-
cient in organic chemistry (Sec. I1.C.6).

From Eq. (111) it is seen that, provided that 2% is large enough, « remains constant
with the potential and is close to 0.5. This is generally in agreement with observations
dealing with reactions with low values of k? [compare the A term in Eq. (112)]. However,
for organic molecules with small inner shell contributions and rather large radii, 2%~ 2
is not expected to be extremely large, and therefore variations of « with the potential
should be observed. This is indeed the case in practice [84], as illustrated by the curvature
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of the logarithmic plot of k(E) with the potential in Fig. 16 for the reduction of 2-methyl-2-
nitropropane, in DMF at the HMDE [84].

(CH,),C — NO, + ¢ = (CH;),C — NOJ (115)

Moreover, the plot of the corresponding «(E) varlatlons in Fig. 16b shows that o depends
linearly on the potential with a slope (0.249 V™ 1, in close agreement with that predicted
(0.210 V™) from the Marcus reorganization energy (29 kcal/mol) determined from Eq.
(107).

3. Reversible and Irreversible Electron Transfers: Their Role in the Meaning of Oxidation
or Reduction Potentials

From the current expression in Eq. (109), it is seen that when k° is extremely large, the

bracketed term on the far right must tend to zero in order that the current remain finite.
Thus in these conditions,

(R)xzo ~ (P)x=oenF(E—Eo)/RT

which may be written under the form of the classic Nernst law in Eq. (116). Thus, provided
the heterogeneous rate constant is large (> 0.1cm s71), the electron transfer is controlled
entirely by thermodynamics and the relative activities of the oxidant and the reductant at
the electrode surface obey the Nernst law in Eq. (116). The electron transfer is thus termed
reversible or nernstian.

RT (R")x 0
TP,

In other words, when (RO)x=0 and (P),_, are kept constant, because of a large excess
of material at the electrode surface, for example, the electrode potential is given in Eq.

E= E°+

(116)
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Figure 16. Variations in the apparent heterogeneous rate constant k(E) in Eq. (110) with the
electrode potential for the reduction of (CH3);C — NO, in DMF at the hanging mercury drop. A
dashed line with slope 0.5 is positioned at E = E°® to emphasize the curvature. (b) Resulting varia-
tions in the transfer coefficient « in Eq. (111). (Experimental data from Ref. 84b.)

“Hereafter, (R), and (P)o are considered the activities at the “electrode surface” and denoted (R)y=o
and (P),_, to recall this definition, x being the distance from the electrode.
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(116) independently of the current flow. Such an electrode is then suitable for use as a
reference electrode (large k°, large surface area A, and excess of material).

Conversely, when k? is extremely small, the current flow is negligible in the potential
range around E°. Thus, in order that a measurable current may flow, the value of E — E°
must be significantly increased [compare k(E) in Eq. (110)]. For example, in order that a
cathodic current (n > 0) be observed, E must be considerably more negative than E°.
Thus, in Eq. (109), TEEVRT 0 in the potential range where the wave is observed,
and Eq. (109) can be rewritten as in Eq. (117):

i = nFAKe " FE-EVRT(Ry (117)

Similarly, the observation of an anodic current requires that E is considerably posi-
tive to E°. Then in the potential range where an anodic current is observed,
PFE-EVRT__, . and Eq. (109) becomes

i = —nFAKeU—nFE-EVRTp) (118)

In these situations the current flow is entirely controlled by the kinetics of the heteroge-
neous electron transfer, which is then said to be slow or irreversible. The current-potential
characteristic of the redox couple under study then reflects thermodynamic (E°) and
kinetic (k%) properties. Indeed, the driving force E — E° is used to overcome not only
thermodynamic but also kinetic limitations.

In this presentation we discussed the reversible or irreversible nature of the electron
transfer on an absolute basis. Yet in practice the notion of “measurable” current flow is
obviously related to a given scale. In electrochemistry the usual scale referred to is based
on the mass transfer rate. Thus for a given mass transfer rate, a given current density is
expected to flow through the electrode. This limit is defined by the current density that
would be observed if the electron transfer under investigation is nernstian. Within this
context it is easily understood that any electron transfer is nernstian at very low mass
transfer rates. Similarly, it should become slow or irreversible for large mass transfer rates,
because then the current scale is made very high. In practice, the largest mass transfer rates
currently achievable with standard equipment are such that if k® > 0.1cms™! the electron
transfer may be considered ““intrinsically”” nernstian.

A second point not considered in the discussion is related to the possible involvement
of chemical reactions. For the sake of simplicity, let us restrict the presentation to the most
common situation in which the product P formed upon electron transfer is consumed by a
fast chemical step, as outlined in Scheme 6.

A

R+ne=P—...
ky,

Scheme 6

It is easily seen from this simple representation that as soon as the rate of the
chemical removal of P is larger than that of the back electron transfer, the rate-determin-
ing step of the overall process is the forward electron transfer. Thus, independently of the
intrinsic value of k°, the Butler-Volmer law in Eq. (109) simplifies to that in Eq. (117),
because (P),._, is made negligible. As a result, the R/P electron transfer presents all the
kinetic characteristics of a slow electron transfer [85]. However, since this behavior is not
related to the intrinsic value of k°, the current-potential curve may be observed in the close
vicinity of E° or even positive to E° for a reduction (negative to E° for an oxidation) [81]
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D. Adsorption Phenomena

Many solutes or follow-up products of electrochemical reactions may have a large ten-
dency to adsorb on electrode surfaces [86]. This may be related to long-range electrostatic
interactions, such as those discussed in the presentation of the double layer; there is then
no specificity of the ions attached, particularly as concerns their chemical properties. In
such cases the phenomenon is said to be nonspecific and is akin to nonspecific salt effects or
ion pairing in organic chemistry. On the other hand, because of particular chemical
affinities between the electrode surface and a substrate, specific adsorption occurs, which
involves generally strong interactions and may result in the creation of organic layers at
the electrode surface. Analogies of the latter are given by complexation reactions or
specific salt effects (e.g., LiT with an enolate ion or Bu™Li" solutions) in organic chemistry
or chemisorption and physisorption in heterogeneous catalysis.

Both classes are distinct because of the nature of the electrode-adsorbed species
interactions. Yet from a phenomenological point of view, a better classification seems
to be that based on the possible electroactivity or conductive properties of the adsorbed
material.

When adsorbed, electroinactive species usually give rise to partial or total blocking
of the electrode surface, which may then not be able to effect electron transfers to other
electroactive molecules. Thus depending on the nature of the electrode coverage, various
phenomena may be observed, ranging from an apparent decrease in the electrode surface
(large and separated islands of adsorbed species) to an apparent decrease in the electron
transfer rate but with the appearance of unchanged electrode surface area (micrometric
islands at micrometric distances from each other) [87]. Related also to this class is the
“natural” blocking of electrodes by oxide layers or functional groups at carbon electrodes
[88].

Conducting (via electrons or via permeation of electroactive species) adsorbed spe-
cies usually introduce small disturbances in electrochemical behavior compared with the
former class. Yet obviously the diffuse layer is extremely affected vis-a-vis the bare elec-
trode. Thus the rate constants k° may be modified to a high degree” because of large
changes in the Frumkin correction. Such effects may easily explain, at least on a qualita-
tive basis, the well-known dependence of k® on the size of the supporting electrolyte cation
(reductions) or anion (oxidations), as well as on ionic additives [89].

The third class involves electroactive adsorbed species, yet it also encompasses the
case in which, although originally inactive, the species is activated or modified in the
adsorption process to give rise to the formation of electroactive adsorbed molecules.
Obviously, all these effects discussed for the two previous classes are observed for this
class, but additional effects are observed for the adsorbed species itself. Indeed, adsorption
modifies (1) the concentration of the species at the electrode surface vis-a-vis that predicted
from its bulk concentration, and (2) the energetics of the electron transfer reaction. The
latter point arises because of additional thermodynamic contributions to be considered in
the Ry/Rg or Py/Pg equilibria in Scheme 5 and also from changes in the reorganization
energies. The former point leads to a variety of behaviors, since it is obviously a function
of the kinetics of adsorption-desorption phenomena. A third additional effect of electro-
active adsorbed species arises from their possible ability to act as electron transfer med-

“Note that for n = 1, an increase by 0.2V in @, results in the multiplication of k° by approximately
50 when o = 0.5, and by approximately 350 when « = 0.75, as determined from Eq. (113).
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iators for other species that are reduced or oxidized with more difficulty. This special class
(the term “‘electrode modification™ is then more adequate), is at present a very active area
of research.

E. Coupled Chemical Reactions

1. Electrochemical Versus Homogeneous Chemical Reactivities

In the preceding sections of this chapter, much attention was devoted to the essential act of
electron transfer. Yet although being, for fundamental or analytic purposes, the subject of
a large body of the electrochemical literature, pure electron transfer reactions generally are
of less interest in terms of preparative electrochemistry. In the opinion of this author,
electron transfer at an electrode must be considered as a particular class of activation of
molecules to enhance their chemical reactivity. As such, electrode kinetics must be under-
stood (as for other methods of chemical activation) in order to control and eventually
direct the overall process to the selected target (compare Chapter 3).

From the preceding discussion, it should appear that electrochemistry affords a very
facile and precise way to generate highly energetic intermediates via control of the elec-
trode potential. Note in this respect that one electron exchanged over a potential differ-
ence of 1V amounts to injecting 1 eV in a molecule, that is, approximately 23 kcal/mol.
Owing to the possibility of performing electrochemisry over potential differences of several
volts, it is easily seen that the method may involve energies comparable to those of most
chemical bonds and largely beyond most activation energies. Thus highly energetic inter-
mediates may be generated under mild and precisely controlled conditions. Another useful
aspect of electrochemical generation of chemical intermediates is related to the current
flow through the cell. Indeed, the current is a direct measure of the production rate of the
intermediate. It ensures that the production rate, an important parameter in product
selectivity, is easily controlled and adjusted.

At this point, two questions must be addressed: Are these intermediates identical to
those obtained under usual chemical conditions? Do they react under conditions matching
those of homogeneous experiments?

The answer to the first question is obviously positive. Indeed, since the substrates are
generally neutral, the primary electron transfer affords paramagnetic intermediates (anion
or cation radicals) that may undergo selected cascades of reactions to afford most of the
well-identified intermediates of organic chemistry: radicals, carbocations, carbanions, car-
benes, and so on. Neutral radicals may also be generated by reduction or oxidation of
stable cations or anions, respectively. It is thus seen that all the basic intermediates of
organic chemistry may be electrochemically generated, provided an electroactive precursor
exists. Yet this is not always a serious limitation, since the intermediates sought may be
eventually formed indirectly, that is, through an electroactive proreagent, as discussed
elsewhere in this book (Chapter 29).

The second question is more difficult to answer. Indeed, since the electrical pertur-
bation extends only over a few angstroms from the electrode surface, the medium in which
the electrogenerated intermediates react is identical to the bulk of the solution, which
favors a positive answer. On the other hand, they react under essentially nonisotropic
conditions because of the existence of concentration profiles, that is, of concentration
changes with distance of the electrode (see Fig. 15). Yet this is a situation identical to
that encountered when heterogeneous reagents or polyphasic conditions are used in usual
“homogeneous” chemistry. A more serious difference is related to the nature of the media
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often used under electrochemical conditions. As explained in the section devoted to ohmic
drop effects, electrochemical solutions must generally be rather conducting, a requirement
met by using solvents with rather high dielectric constants (see Chapter 5). Thus although
solvents, such as liquid ammonia, or media with smaller dicletric constants, such as
methylene chloride, THF, DME, or even arenes and alkanes, can be used [90,91], the
preference of most organic electrochemists is for convenience or by tradition, to such
solvents as acetonitrile and dimethylformamide. The latter are prone to intervene in the
reaction paths of the electrogenerated intermediates via their nucleophilic or acidobasic
properties, for example, as well as via hydrogen atom transfers to radicals [92]. The same is
true for the so-called inert electrolytes, frequently quaternary ammonium salts, known for
their acidic (Hofman reaction) abilities, as well as for being relatively good hydrogen atom
donors. Thus the usual electrochemical media may induce reaction paths that are quite
different from those observed with identical intermediates under conventional organic
conditions. We want to emphasize, however, that this is not to be viewed as a limitation
of the method. Indeed, these induced reaction paths may be used with great profit, as in
organic chemistry when methanol is used as the solvent to incorporate methoxy groups.
Several examples of this strategy are given in various places in this book. On the other
hand, as mentioned earlier, a large variety of solvent-electrolyte systems may be used in
electrochemistry [71,90], although the general body of reported data pertains to a limited
class of media.

2. Chemical Reversibility and Irreversibility: Their Role in the Meaning of Oxidation or
Reduction Potentials

When considering a simple electron transfer reaction at an electrode, as in Eq. (119), one
can conceive easily that there are, a priori, four limiting situations in which chemical
reactivity may affect the electrochemical measurements: R may be consumed or produced
and P may be consumed or produced.

R+ne= P (E% (119)

In practice all four possibilities may be combined, which leads to a large variety of
electrochemical mechanisms. Thus our purpose in this section cannot be quantitative if
we wish to keep some generality. We want, however, to describe qualitatively the role and
the effect of chemical reactions on the overall electrode kinetics. Thus for the sake of
simplicity, we discuss the case of simple EC (electrochemical-chemical steps; see Sec.
II1.E.3) sequence, in Eqs. (120) and (121) as a typical example:

R+ne= P (E K’ (120)

P— - (k) (121)

The chemical step in Eq. (121) is homogeneous and thus intervenes while P, which is
formed at the electrode, is transported to the bulk of the solution via the mass transfer
mechanisms discussed earlier. From this simple consideration, it is easily understood that
an important factor is the relative magnitude of the rate constant of the chemical reaction
vis-a-vis that of mass transfer, as outlined in Scheme 7.

Obviously, when the mass transfer rate is much larger than that of the chemical
steps, the transfer of P from the electrode surface to the bulk solution is not affected by the
presence of kinetics. Thus the electrochemical behavior of the EC sequence in Egs. (120)
and (121) is identical to that of a simple electron transfer mechanism. The R/P electron
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transfer is then said to be chemically reversible” but may be nernstian or slow, according to
the magnitude of k° in Eq. (120).

In the converse situation, three limiting cases may be observed. In the first case the
electron transfer is intrinsically slow. The RDS of the overall process is then the forward
electron transfer, and the redox system is said to be slow and chemically irreversible. The
electrochemical wave is then observed at potentials sufficiently different from E° for
n(E — E°) « 0 (Sec. I1.C.3). The two other situations are encountered when k° is large
enough for the electron transfer to be nernstian in the absence of the follow-up chemical
step.

When, although vis-a-vis the mass transfer rate, the chemical reaction is slow com-
pared with the backward electron transfer, the reduction or oxidation in Eq. (120) remains
at equilibrium. The electrode potential is then given by the Nernst law in Eq. (122):

R)x0

E = E°+—1
(P)x =0

(122)

Mass transfer

Chemical sequence

Scheme 7

Yet because of the chemical reaction, the activity of P at the electrode surface is consider-
ably decreased. From Eq. (122) it is seen that the electrode potential is then positive (for a
reduction; negative for an oxidation) to that observed for the same current density, but in
the absence of the follow-up reaction. As a result the current-potential characteristic is
observed in a potential range positive to E® for a reduction and negative to E° for an
oxidation. The system is then said to be nernstian and chemically irreversible.

In the last situation the rate of back electron transfer, although intrinsically fast, is
slower than that of the chemical step. Thus as in the first situation, the RDS is the forward
electron transfer, and the redox system is said to be slow and chemically irreversible. Yet
since k° is large, the electrochemical wave is observed before E° [81,85].

From this description it is seen that, depending on the exact degree of competition
between the four rates in Scheme 7, the electrochemical wave is observed in potential
ranges that may be positive or negative to E°, as summarized in Table 4. Without a
quantitative treatment of the pertinent electrochemical data, it is almost impossible to
decide the position of E°® vis-a-vis the potential location E,,, where the wave is observed.
This is an important caveat to remember when using potential data, such as peak poten-
tials or half-wave potentials, instead of E° values. The experimental difficulty is even more
severe in practice. Indeed, when one considers a series of related chemicals, there are great
chances that E°, k°, and k vary uniformly with respect to each other because they relate
intimately to the orbital energy and characteristics of the acquired (LUMO) or lost

“To avoid possible confusion with the “reversible” or “irreversible” nature of the electron transfer
step per se, we suggest that reversibility or irreversibility be reserved to the chemical part and the
electron transfer be designated by “‘nernstian” or “slow,” respectively. In the following we use this
terminology.
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Table 4 Nature and Location® of the Electrochemical Wave Observed for an EC Sequence® as a
Function of the Mass Transfer Rate

k® versus mass transfer rate

k versus mass transfer rate Small Large

Small Slow reversible,© Nernstian, reversible, E,, &~ E°
n(Ey—E% <0

Large Slow, irreversible,® Nernstian or slow irreversible,®
n(E, —E%) <0 n(E, —E%) >0

*E,,, any characteristic potential of the wave: E, 5, E, Epjp, -+ 2 E°, standard reduction potential of the electron

transfer step, involving an exchange of n electrons (n > 0 for a reduction; n < 0 for an oxidation). °k°, intrinsic
standard heterogeneous rate constant; k, rate constant of the homogeneous follow-up chemical reaction.
°Chemically reversible or irreversible (see footnote page 55).

(HOMO) electron [16,29]. Thus, the potential E,, at which the electrochemical wave is
observed may correlate with E°, since it depends on the three figures. Such a case is
presented in Fig. 17 for the series of akylbenzenes [29] already mentioned in this chapter,
in which the peak potentials of the chemically irreversible voltammograms (at 0.1Vs™')
correlate with E° with a slope close to unity.

To conclude this section we discuss the special case of follow-up equilibria, that is,
when the chemical step in Eq. (121) is reversible [93].

R+ne =P=7Z (EO, k(E), kf, kb)

Obviously, when K = k¢/ky, « 1, the equilibrium lies toward P and does not affect the
R/P electron transfer. In the converse situation, and when k¢ and ky, are larger than the
mass transfer rate, a rapid equilibrium displaced toward Z establishes, and
(P)y—o & (Z)4—o/K. Introduction of this relation in the current rate law [Eq. (109)] then
yields Eq. (123), which is identical in its formulation to a Butler-Volmer law but for a

[ E® ,V vs NHE

- 2.5 -®

/ 2.0 2.5

Ep » V vs NHE

Figure 17. Correlation between E° and anodic peak potentials E, of the chemically irreversible
cyclic voltammograms at v = 0.1 Vs™! for an extended series of alkylbenzenes (Data from Ref. 29.)
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hypothetical ~ electron  transfer R +ne=2Z, whose formal potential is
E° = E° + (RT/nF)InK, as evidenced by the formulation in Eq. (124).

i = nFAK(E)[(R),_o — (Z)y_oe™ EEVRT /K] (123)

i = nFAK(E)[(R);_o — (Z); o™ E~F V/RT] (124)

This constitutes the basis of the operational significance of formal potentials introduced in
Sec. II.B.5. Yet the formal analogy between Egs. (109) and (124) should not mask the fact
that k(E), that is, &, k?, or k° in Eq. (124), remains related to the real electron transfer
R + ne = P, that is, to E°, not to E®, [compare Egs. (110) through (113)].

3. Classification of Coupled Chemical Reactions

From this discussion, it is seen that the electrochemical behavior of a given electron
transfer reaction may be extremely perturbed by the intervention of coupled chemical
steps. The resulting modifications obviously depend on the exact nature of the chemical
sequence associated with the electron transfer step. It is thus convenient to classify the
different possible reaction schemes that may arise. Yet as in organic chemistry, for the
basic mechanisms (e.g., Sy1, Sn2, E;, and E,) such a classification is viewed as a general
frame to which real mechanisms are referred. Indeed, the latter may often be more subtle
(compare, ¢.g., Sy; or Eqg, vis-a-vis the mechanisms mentioned earlier) or involve coop-
erative or competitive combinations of the elementary schemes presented later. A second
similarity with the organic basic schemes is that there is no unity in the denominations of
the various sequences of electron transfers and chemical steps. Indeed, each school or
laboratory has proposed its own nomenclature, which has received a different audience
and may have evolved with time. In the following we use as much as possible the most
frequent designations, and when not possible we refer to the nomenclature used in
Savéant’s group, owing to its large contributions to this area [94].

The following classification is based upon the fact that electrochemical behavior
depends on the location of the electron transfer step in the overall sequence. Also, electron
transfer steps are considered to involve the exchange of a single electron, that is, n = £1
(n =1 for a reduction and n = —1 for an oxidation), a normal situation in organic elec-
trochemistry. Indeed, although overall stoichiometries involving the net exchange of many
electrons are frequently observed, the energetic and activation requirements for a direct
polyelectron transfer are too high for any to exist concurrently with a rapid succession of
single-electron transfer steps.

Within this frame, the most frequently encountered situations are the following.”

Preceding Chemical Reaction: CE Mechanism.

k
Z=A (kf, Ky K =—f) ©
ke

A +ne=B (E% (E)
"E is a heterogeneous electron transfer; C, a chemical step; also, A, B, and so on, designate the

electroactive molecules or their reaction products, whereas Y, Z, and so on, relate to coreactants or
nonelectroactive species.
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The electroactive species A is generated by a reaction, generally an equilibrium
displaced toward Z, that precedes the electron transfer step. Z is the reactant introduced
in the cell or the predominant form of the reactant in the reaction medium. These reaction
schemes were introduced to rationalize the various electrochemical phenomena observed
during the reduction of certain aldehydes in aqueous solutions. Indeed, in water, formal-
dehyde, m-electron-poor heterocyclic aldehydes, and a few aldehydes with strongly elec-
tron-attracting groups exist as their nonreducible hydrated form in rapid equilibrium with
the reducible carbonyl:

OH
RCH < —— RCHO+H,0
OH
R
RCHO+e —> D —o-
"

When the rate of the Z = A interconversion is slow vis-a-vis the rate of mass
transfer,” it acts as the RDS for the overall sequence. The currents observed are then
abnormally low for the mass transfer rate and reactant concentration considered and
are said to be kinetic currents.

Conversely, when both rates are fast, the preceding chemical reaction acts as a rapid
pre-equilibrium, and (A) = K(Z). The electrochemical data are then formally identical to
that of the virtual Z + ne = B clectron transfer, with a formal potential

’ RT K
E® =FE°——In——

nF 'K+ 1
Redox Catalysis or Mediated Electron Transfer: EC’ Mechanism.

A+ne T—=B (n=zl) (E)

B+Z ——A+Y—>etc(C)

In this sequence, the A/B couple acts as an electron transfer mediator, which allows the
reduction or the oxidation of the electroinactive (at the A/B wave potential) Z species. The
electroactive species A is regenerated via the homogeneous electron transfer step C’, which
results in a considerable enhancement of the current observed for the A/B wave as soon as
the C’ step is rapid.

Various subclassifications exist according to the exact nature of the chemical step,
which may eventually be a succession of elementary steps with formation of intermediate
products. As explained earlier for the displacement of endergonic electron transfer steps,
the C’ step occurs because it is continuously pulled to the right by the further chemical
reaction of the Y species. Note that Chapter 28 is devoted to this class of mechanisms.

Consecutive Reaction: EC Mechanism.

A+ne=B (a==l) (E)

B—C (€

"In the following, “rapid,” *“fast,” and “slow” always refer to the rate of mass transfer.
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This sequence is one of the most ubiquituous in organic or organometallic chemistry and
has already been discussed in preceding parts of this section. The chemical step may
involve reactions (or a succession of chemical reactions) of high-order molecularities,
not only first-order reactions as suggested by the notation. Classic examples are given
by activated olefin electrohydrodimerization mechanisms:

H H
CH, == C +e ‘CH,— C
~z z
H H H
ol — &7 > E— (cHy—77 P g (CHy)— 7
) ~, - 2)2 ~, 4

a. Multielectron Reactions: ECE and Related Mechanisms. As explained earlier, a
direct exchange of many electrons at the same redox center appears to be extremely dif-
ficult because of energetic and activation requirements. From the formulation in Eq.
(106), it is indeed noted that the exchange of 2e involves a reorganization energy 28
four times larger than that for a single-electron exchange at the same center. For this
reason and because of the free energy relationship in Eq. (105), a two-electron step
without formation of an intermediate should correspond to a slower process than the
corresponding EE sequence in Eq. (125):

A+2e=A"4+e= A" (125)

On the other hand, in the second step of this sequence, the electron is transferred to a
molecule with an additional negative charge compared with A. Thus at least a coulombic
repulsion term must be overcome, which implies that the second electron transfer is
necessarily performed at a more negative potential than the first (by at least 0.250 V for
an equivalent radius of 2 A for the redox centers, and for example, ¢ ~ 37.5 for acetonitrile
as the solvent). As a result, the overall EE sequence should not be observed at the potential
of the A reduction but should occur in two separate waves.

However, there are two ways in which this conclusion may be invalid, and both need
the relay of a chemical reaction.

The first possibility is that the reorganization energy associated with the first electron
transfer is considerably larger than that of the second. Such a difference is obviously not
related to the outer shell components, which are necessarily close, as evidenced by Eq.
(106). Thus the origin for the differences must be sought in the inner shell reorganization
energy, which implies that a profound molecular reorganization must be involved during
the first electron transfer. Examples of this situation are given by the numerous cases in
which two redox centers are electronically coupled in the same molecule, as in
O,N — (CH,),, — NO,. Similarly, for inner sphere electron transfers, the molecular moiety
bearing the negative charge may be lost, leaving a neutral and easily reducible species. This
is so in the reduction of alkyl halides to alkanes:

RX+e—R +X (Ey)
R +e—R" (Ep)

R~ +H'—RH (©)
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in which the first electron transfer is induced by the carbon-halogen bond cleavage and
affords an easily reducible neutral radical [95].

However, for most organic electroactive molecules, such large reorganization ener-
gies cannot be invoked, owing to the extended delocalization of the orbitals participating
in electron transfers. Yet the interposition of a chemical step between the two electron
transfers results in the same effect, as soon as the chemical reaction gives rise to a species
more easily reducible (or oxidizable, in oxidations) than the starting reactant.

A+ne=B (E)) (E)
B—C ©

C+ne=D (E3;n(E;-E})>0) (E)

The intermediate formed is then reduced (or oxidized) at the electrode or in the solution
owing to the large exergonicity of the resulting reaction:

B+C—A+D (AG®° = —nF(E$ —E9) « 0) (DISP)

In the former case (sécond electron transfer at the electrode), the overall sequence is
termed ECE; it is designated a “DISP”" (rather than an ECDisp) mechanism in the second
case because the homogeneous electron transfer step is close to being a disproportionation
reaction. Indeed, the latter involves an electron transfer between two chemically related
molecules with the same oxidation numbers. In practice the distinction between the two
mechanisms is nearly impossible on experimental grounds [96] because their rate-deter-
mining step, the B—C reaction is identical.

A typical example of this sequence is given by the reduction of aromatic halides:

ArX +e= ArX~
ArX"—Ar  + X~
Ar' +e—Ar~ and/or Ar’ +ArX"—Ar~ + ArX

Ar~ + H —ArH

As in the EC electrochemical sequence, a large variety of mechanisms belong to the
general ECE-DISP frame and differ according to the exact molecularity of the interposed
chemical step, which may also be a succession of elementary steps. Similarly, cascades of
ECECE. .. sequences are possible, as in the classic reduction of nitro derivatives to hydro-
xylamines, which involves four electrons and four protons [97]:

Ar — NO, + 4e + 4ROH—>Ar — NH — OH + 4RO™ + H,0 (126)

b. Zero-Electron Reactions: Electron Transfer Catalysis of Chemical Reactions. In
the preceding ECE sequence, both electron transfers are of the same kind, that is, both
reductions or oxidations, and thus their combination gives an increase in the absolute
value of the number of electrons exchanged. Yet when the second electron transfer is of
a nature opposite to the first, the overall number of electrons consumed is zero. Thus
the sequence amounts to an electron transfer catalysis of a nonredox chemical reaction
[98], as outlined in the following sequence:
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A+ne=B (E)
B—C ©

C—ne—D and/or C+A—D+B (BE)

Naturally, such mechanisms are observed only when the overall A—D reaction is
exergonic but is considerably slower than that occurring at the level of the reduced or
oxidized states B and C. Although rather recent in the electrochemical literature, these
processes have been shown to be general and to encompass a large variety of chemical
reactions. Among the most documented in the Sgy1 reaction, which amounts to an aro-
matic nucleophilic substitution. Although initially postulated by Bunnett [99a], the con-
firmation and the subtleties of its mechanism have been established on electrochemical
grounds [100]:

ArX 4+ e—ArX~
ArX—Ar + X~
Ar’ +Nu —ArNu~

ArNu™—e—ArNu and/or ArNu™+ ArX—> ArNu + ArX~

Overall:

ArX 4+ Nu™—ArNu + X~

4. Electrochemical Reaction Mechanisms and the Principle of Microscopic Reversibility

As understood from the large variety of possible reaction sequences outlined in the pre-
ceding section, a large number of reaction paths may be invoked a priori to explain the
same overall electrochemical transformation. Yet owing to the great capabilities of elec-
trochemical techniques for the identification of reaction mechanisms, the problem of their
distinction frequently arises. For example, let us consider the very common two-electron
two-proton electrochemical sequence in Eq. (127):

A +2e+42H" = AH, (127)

The latter is involved, for example, in the reduction of aromatics to their dihydro deriva-
tives, of quinones to hydroquinones, carbonyls to alcohols. A priori, there are six plausible
different possibilities of transferring two electrons and two protons, depending on the
exact order of the steps. These six paths involve the $articipation of seven different inter-
mediates: A7, A>~, AH", AH", AH", AH5",and AH;. It is thus seen that the discussion of
the possible mechanism(s) may rapidly become an overwhelming task, particularly when
more steps are involved, as in the 4e + 4H™ sequence in Eq. (126). Thus in order to discuss
the exact route followed, a convenient representation of the different possible schemes is
highly desirable. Such a representation of all possible paths is given by “‘square-schemes”’
diagrams [101], such as that shown in Scheme 8 for the A/AH,; reduction. The horizontal



62 Amatore

transformations correspond to electron exchanges, whereas the vertical transformations
involve a proton transfer.

Based on chemical grounds, several routes may be ruled out in Scheme 8. For
example, starting from an aromatic hydrocarbon A, routes §, €, and ¢, may be excluded,
except in a superacidic medium. This js also certainly true for the y route, which involves a
difficult protonation of AH™ to AH,. Thus only two routes, @ and 8, appear chemically
reasonable under the usual electrochemical conditions. In practice, both may be followed,
path «a prevailing under weakly acidic media and low cathodic potentials, and path g
predominating in less acidic conditions and at more negative values of the potential.
Note, however, that additional complications, not considered in Scheme 8, involve the
possible role of homogeneous electron exchanges. Thus AH™ may be reduced at the
electrode but also by the strong reductant A™,

“Square - Scheme”: Possible mechanisms
A At — AY A o—e -—A—¥ —e
‘_I
AH" AH T/ AH~ L—" AH,
i AH
i @ 7 ®) @
A A
\
AH, AH,* AH, ‘_' I_
&—> AH, AH,
iz ©) ()
Scheme 8

The reverse transformation may also be considered, as in the oxidation of aromatic
dihydro derivatives to their parent hydrocarbon. Then one starts from AH,, and routes ¢,
B. and § must be eliminated, except in very basic media. This is also certainly true for route
y, since the anion radicals A™ usually have a marked basic character. Thus, under the usual
electrochemical conditions, only routes € and ¢ must be retained. Path ¢ predominates at
less positive potentials and weakly basic conditions, whereas path ¢ should be observed at
more positive potentials.

Consider now a given Ar = ArH, reaction under rather neutral conditions. It is
inferred from the preceding discussion that route « is followed for the reduction, whereas
the oxidation goes through path ¢. At first glance, such a result seems to have to be
rejected since it contradicts the principle of microreversibility, which claims that both
reactions should follow the same mechanism.

However, both transformations do not occur at the same electrode potentials: the
reduction Ar—> ArH, needs rather negative values, whereas the oxidation ArH,—>Ar is
performed at rather positive values. Thus the two reactions occur under driving forces of
opposite direction, with an energetic difference of approximately 100-130 kcal/mol. Thus,
invoking the principle of microreversibility under such conditions is no more reasonable
than invoking it when comparing the Birch reduction to the oxidation of aromatic dihydro
derivatives by a strong oxidant.
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IV. MASS TRANSFER IN ELECTROCHEMISTRY
A. Fundamental Aspects of Mass Transfer Processes

As mentioned in the preceding sections, mass transfer plays a crucial role in electrochem-
istry. The ubiquity of this phenomenon evidently arises because the electrons are
exchanged at a two-dimensional surface boundary but the reactants and products are
dispersed in a three-dimensional solution. Thus in the absence of mass transfer, only a
small layer (of a few molecular radii thicknesses) would exchange electrons with each
electrode, as is the case, for example, when the electroactive material is adsorbed at the
electrode (Sec. I11.D). As such, mass transfer is essential in controlling the success and rate
of any preparative electrochemical reaction.

Another important feature of mass transfer processes is related to the very physical
nature of the phenomenon. As such it is easily quantifiable and predictable. Thus the rate
of mass transfer to and from an electrode may be determined a priori for a given electro-
chemical system. As a result this rate may be used as natural built-in clock by which the
rate of other electrochemical processes may be measured. Such a property was apparent in
our earlier discussions related to electrode kinetics (electron transfer and coupled chemical
reactions). Basically it proceeds from the same idea as that frequently used in organic
chemistry for relative rate constant determinations, when opposing a chemical reaction of
known (or taken as the reference in a series of experiments) rate constant against a
chemical reaction whose rate constant (or relative rate constant) is to be determined.
Many such examples exist in the organic literature, among which are the famous “radi-
cal-clocks™:

(=—_)

Es ZAMNMA

. \5 k= KoioaD)/ [ ( = )]

clock
—_— e — H

However, because of the intrinsic specifity of such chemical clocks, they cannot have a
general use outside a given class of chemistry. Thus a better analogy with the electroche-
mical approach involving mass transfer rates would be that in which a reaction rate
constant is matched to the diffusion limit rate constant that represents the physical process
of bringing two reactants to distances such that they can interact chemically (Sec. II.C.1).
Obviously such methods are not developed in homogeneous chemistry, principally because
most chemical reactions, with maybe a few exceptions, among which are electron transfer
or radical reactions, proceed with rates considerably slower than that of the diffusion
limit. Another limitation to the development of such an approach is also related to the
fact that diffusion limit is a rate of mass transfer (analogous to that involved in electro-
chemical experiments) but relates to mass transfer over atomic distances and is thus not
prone to be adjusted at will.

In this respect, electrochemical mass transfer is particularly convenient. As men-
tioned earlier, its physical nature and its necessary involvement in any electrochemical
experiment confer on it one of the characteristics of the internal clock just described. On
the other hand, that it is active in the vicinity of a macroscopic object, the electrode, allows
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its precise control. In practice, mass transfer rates at electrodes are continuously adjustable
from equivalent times of a few seconds to a few tenths of microseconds [102]. When this is
coupled to the use of a diffusion limit in the nanosecond or less time scale, it explains why
electrochemical transient techniques allow kinetic information to be obtained and rate
constants determined for reactions whose lifetimes range from seconds to tens of pico-
seconds [103].

1. The Physical Processes of Mass Transfer: Fick’s First Law

There are three physical processes involved in the transport of molecules in considered
media: convection, migration, and diffusion.

Convection may be the most intuitive and is present in all areas of chemistry; it
corresponds to forced displacements of small volumic parts of the solution. The molecule
is then carried within the fluid elements in which it is dissolved. The flux of particles Jeonv
through an elementary surface, that is, the number of moles of particles crossing a surface
of area unity per unit of time, is then simply expressed as in Eq. (128),

Jeony = CV(X) (128)

where v(x) is the velocity of the fluid normal to the surface and C the concentration of the
particle in the fluid element. It then follows that the mass transfer contribution is inde-
pendent of the particle but is only a function of the local hydrodynamics (natural or
thermal convection, forced convection, eddies, and so on). A large amount of work has
already been devoted to quantifying the hydrodynamics of a solution [104]. Yet for our
purposes here it is sufficient to recall two conclusions that apply in most electrochemical
situations. (1) Because of shocks and interpenetration of the fluid elements in motion,
concentrations are nearly identical at any point of a solution far from any wall. (2) Near
any wall or solid surface, solid-liquid frictions and bouncing phenomena result in the
creation of an immobile solution layer in which no convective effects occur.” Obviously
the thickness d.,,, of this layer depends on the fluid velocity in the vicinity of the wall. Yet
the resulting variation is small: thermal agitation and average vibrations result in
Sconv ~ 3050 um, whereas magnetic stirring at maximum agitation results in
Sconv ~ 1020 pum.

From an electrochemical point of view it is easily inferred that the solution in a cell
near an electrode is separable into two parts: a stagnant layer adjacent to the electrode in
which no convective motions occur, and the remainder of the solution, which is homo-
geneous (bulk solution). Yet this is not a particularity of electrochemical methods since the
same phenomena occur at any solid/liquid interface, as when metal particles (reductions
by Zn or Na, for example) or any heterogeneous reagent is used in organic homogeneous
chemistry, as well as in phase-transfer catalysis or related methods.

The other two contributions to mass transfer arise from forces on the molecule
considered. When the molecule or particle is charged and an external electrical field is
applied. electrostatic forces are effective and a positive molecule “descends” the electrical
potential gradient, that is, goes in the direction of lower potentials, whereas a negative ion

"Note that the separation of the solution into two parts near a wall, that is, the immobile layer and
the agitated homogeneous solution, is really simplistic since there is a continuous variation in the
fluid velocity from the wall to the bulk [105]. Yet this dichotomous approximation is sufficient for
most purposes and allows great simplifications in physicomathematical treatments of the transport
problem.
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“climbs’* the potential gradient. Because of frequent shocks and bounding against solvent
molecules, the molecule reaches a limiting velocity proportional to the potential gradient
times its charge z, the proportionality coefficient y depending on the molecules shape and
size, as well as on the viscosity of the medium. This phenomenon, designated migration,
then corresponds to a flux Jy,e: given in Eq. (129),

)

Jgr = —yzF ax

C (129)
where x is the coordinate normal to the elementary surface crossed, a®/ax the electrical
potential gradient along the x axis, and C the local molecule concentration. @ can have an
external origin as in electrophoresis or can be the result of local changes in the distribution
of other charges. In the presence of a sufficient excess of supporting electrolyte, the latter
contribution is shown to be extremely small [106].

The third contribution is called diffusion, but a better name, although not used,
would be “spreading.” Indeed, it corresponds to the natural tendency of nonrigid objects
to spread so that the object’s constituents are levelled. This is well known in any field of
chemistry and particularly disturbing in chromatography, since it is responsible for the
enlarging of peaks with retention times. The physical origin of this phenomenon is easily
understood when considering the chemical potential x of a solute (for simplicity, concen-
trations and activities are assumed equal) given in Eq. (130), where w1 is the standard
value. Thus when C is not uniformly distributed along the x axis, one obtains the chemical
potential gradient in Eq. (131).

u=u’+RTInC (130)

au dlnC RTaC
xRN T T Coax (130
This potential gradient corresponds to a force that acts on the molecule, as in an electrical
potential gradient. Again this gives the molecule a limiting velocity oriented in the direc-
tion opposite to the gradient, that is, toward the lesser values of ¢, and proportional to the
force —du/dx. Because of the same collisions and bouncing effects as in the migration case,
the proportionality coefficient is y, identical to that in Eq. (120). Thus the diffusion flux
Jar is given in Eq. (132a):

aC

du
Jar = —)’a—XC = —)/RTB—X

(1322)
In practice one prefers to reformulate Egs. (129) and (132a) by introducing the diffusion
coefficient D = yRT of the molecule in the medium considered; that is,

aC
Jyr = —-D— 132b
dif o (132b)
which is commonly designated as Fick’s first law.
In the most general situation, all three mass transfer modes cooperate algebraically;
thus the number of moles crossing a surface of unit area per unit of time is given in Eq.
(133), which constitutes an extension of the Fick’s first law.

F 0@ aC
J(%) = Jeony + Jigr -+ Jait = Cv(x) — CDo— — D

— 133
RT ox ox (133
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2. Relationships Between the Electrochemical Current and Mass Transfers

On the basis of the dichotomous representation of the solution near the electrode surface,
Eq. (133) simplifies in the two domains. Within the stagnant layer and in the presence of
an excess of supporting electrolyte, the two first terms are negligible and one obtains Eq.
(134). Conversely, when x > §.,,,, the solution is macroscopically homogeneous; the
diffusional contribution then vanishes, and the flux is given in Eq. (135).

aC

0 <X <dpn: Jx)= —Da—X (134)

(135)

zF 2@
RT ox

X > Seony - J(X) = C(v(x) —D——

Equation (135) allows one to discuss more specifically the problem of ohmic drop. Indeed,
the current density at any point in the bulk solution is given by addition of the fluxes of all
ionic species times their charge:

i F 00— »
ﬁ = — ZZJJj(X) = —V(X) ZZjCj + —R_T&ZZJ Cij

Because of electroneutrality, the first summation term on the right-hand side of this
equation vanishes, which yields Eq. (136):

RT dx

A0 = i 5 g
> (ZF°CD) A

(136)

The latter gives the potential drop d® associated with the current i through a space
element of cross section A and thickness dx. By comparison with Ohm’s law and definition
of the resistivity it is seen that the resistivity p of the solution is given by Eq. (137). The
ensuing resistance Rq for a solution of cross section A and length ¢ is obtained in Eq.
(138).

1

f = YlF C(Dy/RT] (137)
Ra = %f (138)

Such an expression justifies a posteriori the previous discussion of the ohmic drop effect in
electrochemical cells (Sec. IT1.A.3). Indeed, for a given resistance of the solution in Eq.
(138), the ohmic drop across the cell is expressed as in Eq. (139):

®g = Roi (139)

Thus the larger the concentration of dissociated ions, the smaller the ohmic drop. This in
turn depends on the nature and affinity of the solvent/supporting electrolyte system, as
discussed earlier and in Chapter 5.

Let us now discuss more precisely the relationship between current and mass transfer
at the electrode surface. From Eq. (134) it is seen that the flux of electroactive species is
given, in the absence of migration, by Eq. (140), at the electrode surface (x = 0).

oC
Jioo=—-D|—
w=2(5) (40
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i= —nFAJ,_, = nFAD <8_(2) (141)
ax x=0

When there is no accumulation of material at the electrode surface, this flux corresponds
to an exchange of n electrons per molecule, that is, to a current given in Eq. (141).” Thus
for the electrochemical reaction in Eq. (142), the reactant flux is associated with an
identical, but opposite sign, product flux; that is,

R+ne=P

J[R] o[P] (1

x=0 x=0

Both fluxes must also correspond to the rate of electron exchange at the electrode
surface. Since this latter has already been shown to be given by the Butler-Volmer rate law
in Eq. (109), the current must fulfill simultaneously the set of the three Eqs. (143) through
(145).

i= nFAkoe—zan[E—Eo]/RT([R]xzo _ [P]xzoenF(E—ED)/RT) (143)
. 8[R])
i = nFAD (— (144)
: dx x=0
P
i= —nFADP<a—Z[)—]) (145)
X x=0

Comparison of Egs. (143) and (144) for example, allows us to discuss more quantitatively
the relationship between mass transfer rate and reversibility or irreversibility of an electron
transfer step (see Table 4). Indeed, by equalizing both equations, one readily obtains Eq.
(146) for E = E°.

_ [Plx=o _ Dr(I[R]/3%);—o

"Rl KRl

(146)

From this simple equation it is seen that when k° is much larger than the flux at the
electrode, the right-hand side tends to be zero, and thus [P],_, &~ [R],_y, Which corre-
sponds to the fulfillment of a Nernst equation at the electrode surface for E = E°.
Conversely, when k° is much smaller than the demanded flux, one obtains [P] _, > [R
ko or [Pl,_y < [R];—g, according to the flux sign. Thus to obtain [P], _y & [R];_,. one must
impose an electrode potential E, such as

BRI —anF(EE" Dy (3[R]/3%),_
(1 — GPFIE-E°RT) —anF(E-E")/RT _ RE{ O[[R]]/X _O)X 0 (147)

that is, such that n(E — E°) « 0, which is highly cathodic with respect to E° for a reduc-
tion and highly anodic versus E° for an oxidation.

"Note that a minus sign is used so that cathodic currents (n > 0) are positive and anodic currents
(n < 0) are negative according to polarographic conventions.
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3. The Microscopic Origin of the Diffusion Coefficient: Mass Transfer Rates and
Diffusion Layer Thickness

Before concluding this section devoted to Fick’s first law, we discuss the microscopic
origin of the ubiquituous diffusion coefficient D [compare Eqgs. (133) through (137),
(140) through (142), and (144) through (147)]. In the preceding presentation, D was
introduced as D = yRT, where y is the proportionality constant between the velocity of
the molecule and the forces acting on it, based on semimacroscopic considerations.

In the absence of any applied force, a molecule is nevertheless moving because of
thermal agitation. Yet owing to frequent collisions with the surrounding molecules, free
motions occur only over atomic distances. The overall molecular movement then resem-
bles a random succession of linear segments of approximately identical length £, and
duration 7. Over a time period t = mr, the average square displacement A” is determined
via statistical equations to be A’ =me* = (¢? /Tt [107]. Let us now suppose that a force is
applied to the particle arising, for example, from a concentration gradient along the x axis.
Consider a plane perpendicular to the x axis at x = 0, as shown in Fig. 18a. During a time
of t seconds, a “random-walking’” molecule covers a mean distance L = (AZ)I/Z. Thus
those molecules from the negative axis region that may cross the plane at x = 0 during
the time duration t originate from a volume element, adjacent to the plane, of thickness L.
Let C(—L/2) be the average concentration of molecules within this element. Similarly,
those that may also cross the plane but originate from the positive axis pertain to an
identical volume element of thickness L in which the average concentration is C(+L/2).
Since movements in a positive or negative direction are equally probable, one half the
molecules contained in each of these elements of solution cross the plane. Thus a unit
surface area of the plane at x =0 is crossed by %LC(—L/2) molecules moving toward
positive values of x and %LC(L/2) molecules moving toward negative values. The flux of
molecules, that is, the balanced number of molecules that have crossed the unit surface
area of the plane at x = 0 per unit of time and are lost (algebraically) from the layer on the
negative axis side, is then

J %LC(—L/Z) — %LC(L/2)
x=0 = t

Noting that [C(L/2) — C(—L/2)]/L is the concentration gradient at x =0, which is
(dC/dx),—p, this equation is rewritten as

PR iy (L
=07 e \dx ),

Al ™
WG B

l |

|
-L 0 +L x=dx X  x+dx

Figure 18. Symbolic representations of (a) the mass fluxes through an unit area surface, and (b)
the “entering and outgoing” mass fluxes in an elementary volume of solution of unit area cross
section (see text).
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which, owing to the definition of L, yields finally

AR (e
=07 o \dx /)

and thus

Ez
D= (148)

Comparison of this equation with Eq. (132b) or (134) allows the microscopic for-
mulation of the diffusion coefficient D in Eq. (148), where £ is the average free motion
length and 7 the average time duration between two collisions. Besides its intrinsic value,
such a result allows one to estimate how far a molecule has moved over an average period
of time t. Indeed, from the expressions of L and D, one readily obtains Eq. (149):

L = (2Dt)"/? (149)

This equation provides a very convenient means to estimate, for example, the average
distance covered by a molecule during a time interval t. In other words, a molecule
generated at time zero at an electrode reaches a distance of approximately § = (2Dt)'/?
after a time t has elapsed, provided its movements are controlled only by diffusion. For
this reason, § is usually called the diffusion layer thickness. This figure has an extreme
importance in discussing the nature of mass transfer at an electrode. Indeed, it is easily
understood that when § < §.,,,, the concentrations of the species generated or consumed
at an electrode have their bulk values before reaching a solution region in which convec-
tion is involved. This corresponds to the shortest times of electrochemical experiments,
since taking into account Eq. (149), the preceding inequality yields t <ty = 82nv/2D.
All the mass transfer processes at the electrode are then governed by diffusion (and
possibly, at low excesses of supporting electrolyte, by migration). Conversely, when
t > tpax. Only an extremely small part of the molecular trajectories is controlled by diffu-
sion, convection being the main means of mass transfer. As is elaborated in the following,
this simple notion is extremely important in discriminating transient electrochemical tech-
niques (t < t,,,) from steady-state techniques (t > t.,,), that is, diffusion-controlled from
convection-controlled mass transfer.

A second important property of Eq. (149) is that it provides an estimate of the rate,
in terms of a characteristic time 0, associated with mass transfer. Indeed, this is the time 6
needed for a molecule to reach the electrode, that is, to cover the space interval in which
the molecular concentration differs from that in the bulk. In transient methods this time is
identical to that elapsed since the beginning of the experiment, provided that it is lower
than ty,y = 8cony/2D. For steady-state methods, the length to be covered is 84yny. and thus
from Eq. (149) it follows that 8 = 82.,v/2D. The rate of mass transfer can be defined as
1/6, since it is obviously equivalent to a first-order process (see Chapter 3 for a demon-
stration of this point). Yet in light of the previous discussion, it is preferable to think in
terms of a characteristic time 6 associated with a given electrochemical method rather than
in terms of mass transfer rate, although this intuitive latter notion was extremely worth-
while up to this point.”

"Note also that all the preceding discussions immediately transpose when comparing the halif-life
times t,,, associated with chemical reactions to 6. In our opinion this is more satisfactory since it
avoids the necessity of defining a rate constant associated with mass transfer processes, which are
essentially of a physical, not a chemical, nature.
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4. Electrochemical Homogeneous Kinetics: Fick’s Second Law

Fick’s second law is based upon mass conservation at any point in time and space. To
formulate this point more precisely, let us consider that the spatial distribution of the con-
centration C of the species of interest depends on a single direction x'. Consider now a
cylindrical space element of length 2 dx and cross-sectional area A, centered at x, and let us
designate C(x, t) the average concentration at time t within this element, as shown in Fig. 18b.

During a time interval dt, an algebraic flux J[x — dx, t] enters the volume element
through its boundary at x — dx.” Similarly, an algebraic flux J[x + dx, t] leaves the element
through the boundary at x + dx. During the same time interval, K, dt moles of the species
have been produced, and K, dt have been consumed via chemical reactions within the
volume element. Thus the number of moles of the species varied by dN, in Eq. (150),
during the time duration dt.

dN = J(x —dx, HAdt —J(x+dx, HAdt+ K, dt — K, dt (150)

Dividing the dN expression by the volume of element, 2A dx, gives the concentration
variation; that is,
3C _ Jx—dx. —J[x+dx,{] K, K,

at 2dx 2Adx  2Adx

The first term on the right-hand side is the derivative of the flux vis-a-vis x, whereas
K,/2A dx and K./2A dx relate to the concentration variations from chemical origin,
denoted (3C/0t)cpem-

aC aJ aC
ot 8x+ (at )chem ( > )

Then Eq. (151) simply relates the overall time dependence of the concentration to the
algebraically additive mass transfer and chemical components. In this respect it is impor-
tant to point out that the chemical term is identical to that obtained under homogeneous
conditions for the same chemical sequence. Thus Eq. (151) constitutes a generalization of
the usual kinetic rate laws to conditions in which concentrations are not homogeneous.
Although developed here in the context of electrochemical techniques, it is valid in any
kind of chemical situation in which concentrations are not uniform, as nearly any hetero-
geneous reactant or phase-transfer boundaries.

Under electrochemical conditions, that is, near an electrode surface, two limiting
formulations are obtained for Eq. (151). For distances from the electrode larger than 8.,
the solution is macroscopically homogeneous. Thus 3J/3x = 0, and Eq. (151) simplifies to
the usual kinetic rate law in Eq. (152).

aC aC
X > bcony ¢ i (a—t) (152)
chem

TNote that, as for Fick’s first law, all the demonstrations easily adapt to a three-dimensional space.
Yet since for most electrochemical methods the linear space approximation, that is, depending only
on the normal distance from the electrode, is adequate, we restrict ourselves to this simpler case in
this presentation.

*Note that the terms “enter”” and “leave” are used because fluxes are oriented with respect to the x
axis. Thus J > 0 through a surface corresponds to a flux oriented toward positive x values, and the
converse is also true.
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aC #C  [dC
Seony: —=D—+[—
0 < x < 8ony ot D e + (at)chem (153)

Conversely, within the stagnant layer and in the presence of a sufficient excess of support-
ing electrolyte, the flux is given in Eq. (134). Introduction of this latter figure in Eq. (151)
yields finally Eq. (153), which is also commonly designated as Fick’s second law for
diffusion-reaction.

In the derivation of Eq. (152), we neglected the quantity of the species produced or
consumed at the electrode. In practice this is true for microscale electrochemical experi-
ments but is necessarily inexact for macroscale or exhaustive electrolysis. To derive the
general equation, let us consider the total equation for the bulk solution. The chemical
contribution is given in Eq. (152). On the other hand, a flux of the species at the convection
layer limit §.,,, must be considered. This flux corresponds to an algebraic number dN.
of moles of the species produced, given in Eq. (154),

dI\Ielec = (J(X = ‘Sconv_s t))A dt (154)

where A is the electrode surface area.” Dividing both members of Eq. (154) by the volume
V of the bulk solution allows the reformulation of Eq. (154) as

(§) __Dba (§> (155)
at elec \ dx X=cony—

Thus the overall concentration rate law in the solution is finally expressed as in Eq. (156)
in a general case.

aC DA [oC 9C
Seonv: == Bt 1
X > Ocony at A% ( at >X=8conv_+< at )chem ( 56)

The absolute value of the first term on the right-hand side of Eq. (156) is at maximum
equal to (DA/V)C° /8cony» Where C? is the bulk concentration of the electroactive reactant
(Sec. 1V.B). The electrode consumption or production is then equivalent to pseudo-first-
order kinetics whose apparent rate constant is at maximum equal to

DA
Vdcony
1

To evaluate kg, let us consider the following average figures: D = 103 cm?s™!,
Scony = 10 um = 1073 cm, and cell volume = 100 cm®. Then Kejee = 10™* A, when expressed
in s~ and A is expressed in cm?®. For microscale electrochemical experiments, A is of the
order of few square millimeters, that is, a few hundredths of a square centimeter; thus
Keiec & 107571, This means that several hours of continuous electrolysis are needed to
significantly perturb (> 1%) the bulk solution. This is the reason why this term is neglected
in practice, Eq. (152) being used instead of the more rigorous Eq. (156). Obviously, when
preparative-scale electrolysis is considered, one wants to increase kg in Eq. (157), that is,
use large A/V ratios and small §_,,, by increasing the electrode surface area and convec-
tion within the cell.

Owing to the organization of this book, preparative-scale electrolysis is discussed
separately in Chapter 3. Thus in the following we assume that Eq. (152) represents the

Ketee = (157)

“The minus superscript in 8.5, — means that the flux is that within the diffusion layer, that is, the
limit of J(x), when x tends to ...y, from lower values.
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dependence on time of the bulk solution concentration. In other words, the electrochemi-
cal behavior, in the absence of migrational contributions, is given by a set of equations
analogous to that in Eq. (158), with boundary conditions at x = 0, depending on the
electrode potential and kinetics [compare Eqgs. (143) through (145)] and at
X = 8,0y, C = C°, where the bulk concentration CP is given as a function of time by
Eq. (159)":

aC #*C  (3C
0 <x <8y : —=D——+(—) (158)
con at x> 0t/ chem
dc®  fdc®
X > 8py: C=C® such as = = <T) h (159)
chem

5. Dimensionless Formulation of Electrochemical Equations

The dimensionless analysis of equations is an analytic mathematical technique of frequent
use in engineering. Indeed, this technique allows one to ‘‘concentrate™ all the a priori
independent parameters resulting in an identical effect into a single dimensionless para-
meter. To illustrate the principle and operational interest of the method, let us consider a
general second-order homogeneous reaction, such as that in Eq. (160), the reactant con-
centration being C° at the beginning (t = 0) of the experiment:

JR—P (k) (160)

Strict application of homogeneous chemical kinetics readily yields the rate law in Eq.
(161), which governs the reactant concentration, as a function of time. Integration of this
rate law gives the classic expression in Eq. (162) for an experiment of duration 8. Yet Eq.
(162) may be rewritten under the equivalent form in Eq. (163).

d[R]

& = —2Kk[R]? (161)
1 1

®=@+2k0 (162)

[R] 1 (163)

Y T 1+2kCY%

In many respects, the formulation in Eq. (163) is more interesting than that in Eq. (162).
Indeed, its left-hand side gives the instantaneous fraction of the reactant not converted to
the product at any time 6. Chemically this is usually more significant than the actual
concentration. Its right-hand side shown that this fraction depends on a single factor
(or parameter) 2kC%6, which includes the effect of the a priori three independent factors:
an intrinsic factor k and two experimental parameters C° and 6. Just at a glance it shows
that doubling the concentration, for example, results in the same effect as keeping the

“Note that when a figure C depends on several independent variables x and t, its variations vis-a-vis
one of these variables are given by its partial derivative 3C/8x with respect to the variable. When C
depends on a single variable, the usual derivation is used: dC/dx. The intrinsic difference between
the two kinds of derivations is indicated by the symbolic use of 8 or d in the derivative notations.
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same concentration and doubling the duration of the experiment, or increasing the tem-
perature, so that k is doubled.

In this example the dimensionless reactant fraction r = [R]/C® and dimensionless
rate parameter A = 2kC°6 were introduced by reformulating the integrated rate law in Eq.
(162). However, this could have been done directly on the rate law in Eq. (161) by
introducing a dimensionless time T = t/f (i.e., the elapsed fraction of the overall experi-
ment duration #) and the reactant fraction r defined earlier. Then Eq. (161) reformulates as
in Eq. (164a) and is associated with the initial condition in Eq. (164b). Integration of
Eq. (164a), owing to the initial condition, yields readily Eq. (165), which is identical to
Eq. (163).

>0: %:—)\ dr (164a)
t=0: r=1 (164b)
=1: r—; 165
r=1: r=9 (165)

The interest of this second approach, that is, dimensionless analysis of the rate law itself,
becomes obvious for cases in which the integration of the rate law is not achievable
analytically and must be performed numerically. Indeed, the set of Egs. (164) shows
that the variable of interest, r = [R]/CO, depends only on A = 2kCP. Thus numerical
integration must be performed only for a selected number of A values to obtain a single
curve giving r as a function of A, that is, a function of all factors k, C°, and 6 affecting the
conversion yield. If one says that 10 different values of A, for example, are needed to
determine the curve with the required accuracy, the process needs 10 calculations. Yet
without dimensionless analysis the same information with the same accuracy would be
contained in at least 100 curves, that is [R] as a function of 6, for 10 selected values of C°
and for each 10 values of k, which would need 1000 calculations. Besides the intrinsic
interest of having all the information contained in a single curve rather than in a hundred,
the method is essentially time saving. For example, consider that a numerical integration
requires 5 min; the whole dimensionless curve needs about 1 h calculation time, whereas
the normal or direct method requires at least 100 h!

a. Application to Electrochemical Systems. As explained in the previous parts of
this section, two figures tightly control electrochemical kinetics: a spatial one §, the
thickness of the diffusion layer, and a temporal one 6, the time elapsed since the begin-
ning of the electrochemical perturbation. Thus in most situations these figures constitute
adequate and suitable references for the definitions of the dimensionless space y = x/8
and time 7 = t/6. Similarly, in most electrochemical kinetic experiments, the bulk con-
centration C° of the starting material remains constant (see, however, Chapter 3 for pre-
parative electrochemistry). It follows that s= [S]/C0 constitutes a meaningful
dimensionless concentration for any species S whose real concentration is [S]. Another
obvious dimensionless parameter concerns the potential figures. Indeed, in nearly all
electrochemical circumstances, the electrode potential per se is not important but influ-
ences the electrochemical behavior through its difference from E° times nF/RT.
[Compare, e.g., the Nernst equation or the Volmer-Butler rate law in Eq. (143)]. Thus
definition of the dimensionless potentials as & = (nF/RT)(E® — E) appears suitable. y, ,
s, and £ constitute the master dimensionless parameters from which the definition of all
others ensues, as is shown in the following.
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Let us consider first the electrode boundary conditions in Eq. (144) or (1495).
Introduction of r =[R]/C? and y = x/8 in Eq. (144), for example, directly affords Eq.
(166):

nFADC? (ar

i=— " (— 166

1 8 (3}’)0 (166)
where the subscript 0 is used to indicate “at y =0,” which shows that a convenient
dimensionless definition for the current is ¥ = i/(nFADC®/8), which yields Eq. (167):

0
K'8 e ¢
V=5 T —Poe) (168)
¥ = Ae*(rg — ppe ) (169)

Introduction of r, p = [P]/CO, & =nF/ RT(E° — E), and v in the Volmer-Butler rate law
[Eq. (143)] readily yields Eq. (168). The latter shows that a convenient dimensionless rate
of electron transfer is A = k°/D, since it compares the intrinsic value of the rate constant
to that of the mass transfer process. Thus Eq. (168) reformulates as Eq. (169). Let us now
examine the time- and space-dependent partial derivative equation of the kind demon-
strated by Eq. (158), which describes variations in the concentration profiles in the stag-
nant layer adjacent to the electrode. For any species S, introducing t, y, and s leads to
reformulation of Eq. (158) as in Eq. (170):

Seony . C'ds _DC’ o’ (B[S])
chem

§ © Aot & oy \at

m (170)

0<y<
To proceed further it is necessary to define the nature of the chemical production or

consumption terms in (3[S]/97)cpem- For that, let us consider the general term K, in Eq.
(171).

3[S] . aj
() =2 with &=skisr ]z anm
chem
ui D .CD
K; = +A[s J]‘[z',f”]a—2=xj = (172)

where the 4 or — sign corresponds to an S production or consumption, respectively. Thus
K, reformulates as in Eq. (172), where the dimensionless rate constant A; is defined” as

"Note that an alternative formulation, when the [Z,] concentrations in Eq. (171) are kept constant,
consists of including their contribution into the rate constant, which amounts to defining a pseudo-
rate constant ki” =k, [T[Z,)"'. Thus Eq. (171) is rewritten as

K, = £K*P[S]"

which results in the definition of A; = kjap(az/D)(CO)””_'. Obviously, any intermediate attitude is
possible as a function of the particular experiment dealt with.
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A=k (6 / D)(Co)olJ = . Introduction of these expressions in Eq. (170) yields, after mul-
tlphcatlon of both members by §2/DC°,

é §* s s ~
0 COnV: - T _Z° A.
<y<=% 565 3y2+z ; (173)

The formulation in Eq. (173) shows that the dimensionless parameter §° /D8 plays a crucial
role in the time dependence of the S concentration profile. This parameter compares the
diffusion layer thickness & to (DG)I/ 2. On the other hand, we have discussed the depen-
dence of & on the duration of the experiment. Thus from Eq. (149), 8 =~ (D6)!/?, provided
that § « 8.o,y- that is, that 6 Scom, /D. Then the diffusion layer extends within a small
fraction of the stagnant layer and Eq. (173) reformulates as in Eq. (174),

SCOHV

s s ~
Do~ gt L a4

which shows that the concentration profile of S depends on the space as well as on the
time. For this reason the cmresponding electrochemical methods are said to be transient.
Note also that smce 6 = §°/D under these conditions, the dimensionless rate constant is
then 4, = ko) or 4, = KPOCY)H,

Conversely, when 9 > SCOHV/D the dlffusion layer would extend well beyond the
stagnant layer, which is physically impossible. Thus one has § = 8., and §°/D¢ = 0.
On the other hand, 8s/dt cannot assume infinite values, except maybe at temporal dis-
continuities related to the exact electrochemical perturbation considered. Thus, with the
exception of these discontinuities, the left-hand side member of Eq. (173) tends to zero.
Thus, Eq. (173) reformulates as in Eq. (175),

<y<

s

O<y<l1: (175)
which shows that a steady-state concentration profile is observed. For this reason the
corresponding electrochemical methods are said to be steady-state methods. Note that
the expression of the dimensionless rate constants reformulates as

8" aj—14+Zp1 62
b=k (C) or 1 =k (Ch)"!

It is thus seen that dimensionless analysis of electrochemical equations allows a very
straightforward classification of the electrochemical methods into two limiting classes.
Transient methods (including linear sweep voltammetry, cyclic voltammetry, chronoam-
perometries, and chronocoulometries; see Sec. IV.C and Chapter 2) correspond to the
shortest perturbation times (usually less than 10s) and the widest convection layers
(usually = 20—-50 um, as imposed by natural convection and vibrations). On the other
hand, steady-state methods (e.g., polarography and rotating disk electrodes; see Sec.
IV.B and Chapter 2) need 8.,,, to be as small as possible (usually = 5-10 um, as imposed
by forced convection) and the experiment to be of long enough duration.

The preceding presentation encompassed the widest class of electrochemical meth-
ods. As such, the reference figures used in the definition of the dimensionless parameters
used were not specifically related to a particular method. Yet when a specific electrochem-
cal method is considered, other equivalent definitions may be used for greater convenience.
For example, in cyclic voltammetry, 6 is frequently defined as the time elapsed, 0 AE/v,
between two waves separated by a potential difference AE at a scan rate v (in Vs~ . Yetin
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linear sweep voltammetry, 6 is usually defined as § = RT/nFv, that is, approximately the
time needed to describe the rising branch of a nernstian voltammogram (see Chapter 2).
Table 5 presents the most widely used dimensionless formulations.

B. Steady-State Electrochemical Methods: Half-Wave Potential E, ,

1. Pure Electron Transfer Mechanisms

In the following we consider a simple electron transfer mechanism in order to discuss
quantitatively the variations in the potential location of the steady-state voltammogram of
the system according to the kinetics of the heterogeneous electron transfer. In the deriva-
tion of the kinetics we consider that the solution contains only the reactant at concentra-
tion C° before the electrochemical experiment. Let E°, k°, and « be the standard reduction
potential, the standard heterogeneous rate constant, and the transfer coefficient of the
electron transfer in Eq. (176).

R+ne=P (E°.k% ) (176)

For most organic electroactive molecules, the variations in shape and solvation upon
electron transfer are minimal, owing to the usually large delocalization. It follows that
the diffusion coefficients relative to R and P are generally very close to their average value
D. which is then used to introduce a simplification in the following derivations.

From the general equation (175), the concentration profiles of R and P are solutions
of the following differential equations in dimensionless variables (see Table 5):

Table 5 Dimensionless Variables for Electrochemical Kinetics

Variable Variable
Real Dimensionless Real Dimensionless
. t
Time t =3 Rate constants k:
Distance x° y= x First order A= @;
8 D
042
Second order A= k%

. S 2
Concentration or s = % pth order A = k(CYH® _”%
activity [S] c

nF k%
P t i 1 EC —_ — o _ 0 —_—
otentia 3 RT (E°—E) Heterogeneous k A )
. . 8 S K
Current i° U= 1m Equilibrium constant K K= W

Cyclic voltammetry: § = RT/nFv; v, scan rate. Staircase methods: § = duration of the forward pulse.
bSteady-state methods: § = §,,,. Transient methods, § = (DO)” 2,

E°. standard reduction potential; n, number of electrons exchanged; n > 0 for reductions, n < 0 for oxidations.
9The dimensions of K are considered mol™ - 1°™,
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2
ar_y (77)
dy*
> O<y<l
P _y i
4y (178)
These equations are associated with the boundary conditions
V= (EE) _ _(512) (179)
dy/, dy/, electrode (y=0)
¥ = Ae®(rg — poe*) (180)
=1 181
' convection layer boundary (y=1) (181)
p=0 (182)

Integration of Egs. (177) and (178), when taking Eq. (179) into account, readily
yields

r=ro+y¢y and p=p,— vy

Introduction of conditions (181) and (182) into these linear concentration profiles
gives the relationships between ry, py, and ¢ in Eq. (183). Incorporation of these latter
figures into Eq. (180) and reorganization of the latter as a function of the dimensionless
current i yields the equation of the dimensionless voltammogram in Eq. (184).

rp=1—v% and py=1 (183)

1
T l4etH(1/A)e %

The latter shows that the current reaches two limiting values for §&— — oo [i.e., for n(E —
E°) « 0] and &~ + oo [i.e., for n(E — E°) > 0]. Indeed, from Eq. (184) it ensues easily
that ¥—0 for &~ — oo and ¢—1 for &~ + oo, which shows that no current is
observed when the potential is much less cathodic than E° (for a reduction; n > 0) or
anodic than E° (for an oxidation; n < 0). Conversely, at sufficient cathodic (n > 0) or
anodic (n < 0) values of the electrode potential, the current tends to a plateau value (¥
—>1) given in Eq. (185):

_ nFADC’

SCOHV

4 (184)

ilim

(185)
Of interest is the proportionality of i'™ to the bulk concentration of the reactant. Indeed,
Eq. (185) demonstrates that the electrochemical current can be used to monitor the bulk
concentration of any chemical species, provided the latter is electroactive. This is the basis
of a large variety of chemical or biochemical sensors, as well as that of electrochemical
detectors in high-performance liquid chromotography (HPLC). From Eq. (183) it is seen
that the observance of the current plateau corresponds to the fact that the reactant con-
centration has been completely depleted (r° = 0) at the electrode, so that increasing &
results in no further change in the concentration profiles and therefore of the current.
Similarly, the limit at ¥ = 0 corresponds to p, = 0; thus decreasing the dimensionless
potential results in no further change. The observation of the two limits thus corresponds
to the fact that the concentrations of R and P at the electrode are limited by 0 and C°. This

is independent of the electrode kinetics, which explains that the limiting current i'"™ does
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not depend on the kinetics of the electron exchange. However, the location of the voltam-
mogram depends on the rate of electron transfer.

When A > 1, that is, when k° > D/8,” the second term in the denominator in Eq.
(184) vanishes and the voltammogram equation simplifies to Eq. (186),

i 1

=V T e (180)
which is independent of the electron transfer rate. Moreover, introduction of ry and py, as
given by Eq. (183), into Eq. (186) shows that

Iy = poe* (187)
that is, in real variables,

[R]x=0
[P]x=0

which demonstrates that the electrode potential obeys the Nernst equation. Thus the
electron transfer is sufficiently fast to be controlled thermodynamically. It is then said
to be fast or nernstian. At E = E° [R],_¢ = [Ply—. that is, from Eq. (183). i/i'™ = 0.5.
Thus E° may be determined as the potential for which i/i"™ = 0.5. This potential, the half-
wave potential E;/,, thus bears an important thermodynamic significance since it allows
the determination of E°. Indeed, most E° values determined for organic redox couples
have been measured through this or related techniques. Yet it must be emphasized that
Ei/ involves contributions other than E°. In a real situation, the activity and diffusion
coefficients of R and P may differ, which yields [108]

RT, |fz (Dp\'”?
__ 1o R P
Eip=E +Fn [fp (DR>

However, most of the time, the corrective term to E° is unfortunately unknown and
beyond the error associated with potential measurements on an absolute (NHE) scale,
mainly because of junction potential and reference electrode potential drifts. Thus in
actual experiments E,, and E° (or E°) are generally considered identical [94].

Let us now consider the converse situation, that in which A « 1 (i.e., k® « D/$).
Then Eq. (184) simplifies to Eq. (188):

i 1

RT
_— o ——
E=E +nF1n

V= T T (/A (188)
The half-wave potential, that is E;/, at which i/ilim = (.5, is then such that
RT RT k%
—_ o —_— f—re © —_— —
Eip=E +anFlnA E +anFln 5 (189)

Since k% <« 1, the logarithmic term in Eq. (189) is negative and n(E;,, — E°) < 0. The
wave is thus located in a potential range well cathodic of E° for a reduction process (n > 0)
or anocid of E° for an oxidation process. The E,, represents both thermodynamic (E°®)
and kinetic contributions (Ink%/D) and must not be used as a substitute for E°.

“In practice, D ~ 5 x 10~ *cm”s™! and 8 ~ 5 um = 5 x 107* cm are average values: thus the inequal-

ity is satisfied for k% > 0.01cms™'.
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Figure 19a presents the variations in the steady-state voltammograms for the R/P
redox system as a function of A = k8/D for « constant and equal to 0.5. The variations in
E; > with the same parameter k°8/D are presented in Fig. 19b for selected constant values
of a. Therefore, in an actual experiment, variations in E; , with § (note that k® and D are
intrinsic figures for a given couple R/P and a given medium) are indicative of kinetic
complications and should warn against the use of E;/, as an estimate of E°.

2. Mechanism Involving a Follow-Up Reaction: EC Mechanisms

Let us first consider the case in which the initial electron transfer in Eq. (190) is sufficiently
rapid to be nernstian (i.e., A = k°/D > 1) but is followed by an irreversible, pseudo-first-
order, chemical reaction (that is, k may include the concentration of other reagent, when
constant).

R+ne="P (E° Kk’ o) (190)

P— .. (k) (191)

The dimensionless equations governing the R and P concentration profiles are obtained
from table 5, as in Egs. (192) and (193).

2
ar_y (192)
dy*
& 0<y<l

b_ (193)
—= =

dy? P

For an nernstian heterogeneous electron transfer, the boundary conditions at the electrode
tormulate as in Egs. (194) and (195):

a
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Figure 19. (a) Steady-state voltammograms of a simple redox system as a function of its intrinsic
heterogeneous rate constant (number on the curves: k% in ecms™") for 82/D = 0.1s. (b) Variations in
the half-wave potential E; /, as a function of the dimensionless rate constant A = K% /D for different
values of the transfer coefficient «.
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-
~ \dy 0_ dy/, y=20

To = poe (195)

[Compare Eq. (187).] For a bulk solution containing only R, the boundary condition at
the extremity of the convection layer is then

Integration of Eq. (192), taking into account Egs. (194) and (196), yields Eq. (197):
r=ro+vy, with ro=1-—1v (197)

From this simple equation, it is seen that, as for the preceding situations, the vol-
tammogram has two limiting values. When ry &~ 1, ¥ = 0, which corresponds to large
negative values of & according to Eq. (195). Conversely, ¥ ~ 1 when ry =~ 0, which is
observed for large positive values of & as seen from Eq. (195). Thus the overall qualitative
shape of the steady-state voltammogram remains identical to that observed in the absence
of a chemical follow-up reaction. Yet they differ considerably on a quantitative basis, as
shown by the following analysis.

Integration of Eq. (193) yields the dimensionless concentration profile of P in Eq.
(198),

p = A" 4 BeH") (198)

where A and B are two constants. These constants are determined according to the
boundary conditions (194) and (196). Indeed, Eq. (194) yields by derivation (and setting
y = 0) of Eq. (198):

v =—-A"2A+1?B (199)

0= Ae®") 4 B~ (200)
whereas Eq. (196) affords Eq. (200) by setting y = 1 in Eq. (198). The system of two linear
equations (199) and (200) with two unknowns (A and B) allows A and B to be determined
as a function of ¥ and A. Thus,

]/3)

)"1/2
= %ﬁ; and B= —Ae(z’\
e

¥tanh A2
212

Determination of p, = A + B from Eq. (198) is thus readily obtained as in Eq. (201).
Incorporation of this latter value, as well as ry = 1 — ¢ from Eq. (197), into the Nernst
equation (195), gives access to the equation of the steady-state voltammogram in Eq.
(202).

i 1

Fz V= 1 +e(—5*)

po=A+B= (201)

(202)

£ =£+1na —Intanh 22 (203)
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Eq. (202) is identical with that obtained for a nernstian system [compare Eq. (186)] but one
in which the potential axis has been translated by a constant term (for a constant value of
A = k8%/D), as evidenced by Eq. (203). Its half-wave potential then corresponds to £ = 0
instead of & =0. From Eq. (203) and the definition of & in Table 5, one obtains the
expression in Eq. (204). Since one always has 1'% > tanh A!/?, the corrective term to E°
in Eq. (204) always has the sign of n. Thus the wave is observed in a potential range E,,
such that n(E,, — E°) > 0, that is, anodic to E° for a reduction (n > 0) and cathodic to E°
for an oxidation (n < 0).

RT
Eip=E°+-—=Ina ——ln tanh A'/?

o (204)

When A—0 ie.. k « D/&% one obtains E;;» ~ E°, since then tanh A2 a2,
resulting in a negligible corrective term in Eq. (204). This means that the chemical reaction
in Eq. (191) is too slow vis-a-vis the mass transfer rate to significantly affect the voltam-
mogram. The system is then said to be nernstian and chemically reversible. Conversely,
when k > D/&2, that is, when the chemical reaction is faster than the mass transfer at the
electrode, A—>o00. Then, because tanh A'/>— 1 for AY/>— 00, Eq. (204) simplifies to Eq.
(205):

RT . k&
Ep=E+,—Ih—

,
2nF D (205)

From the latter, it is seen that for n = 1 and room temperature, for example, E,; shifts
anodically by approximately 30 mV per unit of log k&2 /D. As for the slow electron transfer
case, E;/, is therefore not an acceptable substitute for E° since it incorporates kinetic
contributions that then arise from the follow -up chemical reaction.

The variations in E; » with A = k&2 /D result from the fact that when A i increases, the
P concentration at the electrode surface decreases, as is apparent in Eq. (201)” and Fig. 20.
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Figure 20. Steady-state electrochemical method. (a) Concentration profiles of the product
obtained upon electron transfer in the EC sequence in Egs. (190) to (191) as a function of the
dimensionless chemical rate constant k§*/D (numbers on the solid curves). The reactant concentra-
tion is shown for comparison as the dashed line. (b) Variations in the product electrode concentra-
tion as a function of k&°/D. The dashed curve corresponds to the approximation in Eq. (206).

“Indeed from this equation, when A > 7, one obtains p, &~ ¥/A'/* with an accuracy better than 1%.
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Thus at any driving force imposed by the value of &, one obtains from Eq. (195) for large A
values:

LA S
ant U= (k82/ D) ¢ (206)

which shows that the reactant concentration is considerably less than that, ry = ye™®,
obtained at the same potential in the absence of a fast follow-up chemical step. Thus the
heterogeneous electron transfer is continuously displaced by P removal in a way similar to
that already observed for the corresponding homogeneous situation in Egs. (207) and
(208). Yet in the latter case, as elaborated in a previous section [Sec. II.B, Egs. (45) and
(47)], the follow-up chemical step affects the overall kinetics by a factor involving k with a
unity exponent, whereas an exponent of one-half is involved in the heterogeneous equiva-
lent case:

Iy =

M+ne=N
N+R=M+P (K) (207)
P—> ... (208)

[Compare the half-factor in Eq. (205) or the half-exponent in Eq. (206.] This effect, which
arises from the heterogeneous nature of the electrochemical process (i.e., a surface reaction
vis-4-vis a volume reaction in homogeneous phases ), is the basis of the efficiency of redox
catalysis or mediated electron transfer (see Sec. III.LE.3 and also Chapter 28 mainly
devoted to this topic). Thus for a given redox system, as in the sequence in Egs. (190)
and (191), the use of a redox mediator M in Eq. (207) allows the reduction of R to be
performed at potentials less cathodic than E; , in Eq. (205) (or the R oxidation at poten-
tials less anodic than E, /) for the same electrochemical setup (i.e., an identical mass
transfer rate).

3. Chemical Kinetics from Half-Wave Potentials: Determination of Rate Constants and
Reaction Orders

The preceding two examples were presented to illustrate the simplicity of electrochemical
analysis under steady-state conditions. Indeed, the kinetic derivations are very similar to
those encountered in the homogeneous chemical situation, except for the replacement of
the usual derivative dC/dt by a second-order derivative vis-a-vis the space variable d>C/dy>
as apparent in Eq. (193), for example. The existence of a second-order differentiation
introduces unusual dependencies on reaction orders when compared with those observed
in homogeneous kinetics. Thus if one considers the rate constant k in the chemical reaction
(191) to be a pseudo-first-order rate constant, that is, k = ky[Z], where Z is a coreagent, the
concentration of which is maintained constant, a dependency on [Z]'/* is observed
[because of the involvement of k with a power of one-half in Eq. (198)] for electrochemical
experiments rather than the dependency on [Z] that would be observed under homoge-
neous experiments. Let us consider a general case in which the product formed upon
electron transfer reacts via a chemical reaction of the p order in P, and involving
other coreagents A, B, ..., in excess, as featured in the reaction sequence (209) and (210):

R+ne=P (E° (209)

PP+aA+ BB+ — o (k) (210)
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One obtains the pseudo-rate constant k = ko[A]*[B]°... Thus dimensionless analysis
affords the differential equation in Eq. (211), which describes the concentration profile
of the P species when A is given as in Eq. (212).

0 S @11)
dy? -

A= k(CO)("““% k = ko[AJ*[B]? - - - (212)

When 2 is extremely large and the usual situation in which the bulk solution contains
no P is considered. integration of Eq. (211) is performed as follows. Multiplication of both
members by 2(dp/dy) dy yields Eq. (213):

—d—y~dy=2p)&ppdp (213)

The left-hand term in Eq. (213) is the derivation of (dp/dy)? vis-a-vis y. The right-hand side
is the derivation of [2pA/(p + 1)]p®*" versus p. Thus integration of Eq. (213) yields

dp\’_ 20% (o) "
(d_y) = mp + cst (214)
The integration constant in Eq. (214) is determined by the condition py ~ 0 when y & 1.
When A is large this is also equivalent to saying that dp/dy =~ 0 when y = 1, since P exists
only in a thin layer (called the kinetic layer) adjacent to the electrode (compare, e.g.. Fig.
20a). The integration constant in Eq. (214) is then zero, and one obtains at the electrode
surface, for y =0,

s 2pA d
2 PA  (p+D) p)
=" since ¥ =—(-— 215
¥ o+ 1 Po 4 ( dy/, (215)
On the other hand, since R is not involved in chemical reactions, one obtains as in
Eq. (183), rg = 1 — ¢. Thus for the nernstian electron transfer in Eq. (209), one obtains
Eq. (216) when taking Eq. (215) into account.

rp = poet®

1 1/(p+1)
I—y= wz/(pm(»o?;r ) -9 (216)
2p

A being a constant term, it may be included in the exponential factor, which yields the final
equation of the steady-state voltammogram in Eq. (217). From this equation it is seen that
the current depends only on the apparent dimensionless potential £* given in Eq. (218).

W4 YD) (217)
p+1 p+1 (218)
__nF E°—E) 4 1 In 2Ap -
T RT p+1 p+1

From the equation ¥ = 1 — rg, the limiting plateau current corresponds to ¥ = 1. Thus the
half-wave potential E, ; is obtained by replacing y by 1/2 in Eq. (217), which yields
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RT1—-p RT/nF, 2p
=E° ——In2+ In——
Eip2 Y nF1+p o+l ol
P! (219)
el g1 . .. (COP-D
+[nF (0+ 1)} ln[ko[A] [B]"---(C°) D]

Because of the expression of the last term, it is seen that at room temperature, for
example, where RT/F In 10~ 60mV, E,/, varies by [60a(p+ 1)/n], [608(p + 1)/n], and
[60(p — 1)(p + 1)/n] mV per unit of log [A], log [B], and log C°, respectively. These varia-
tions then allows an easy determination of the various reaction orders of any follow-up
chemical reactions, provided the initial electron transfer is fast enough and the number n
of electrons exchanged is known.

Another approach consist of varying a reactant concentration and modifying the
mass transfer rate 8 in order that E'/? remain constant. The term in braces in Eq. (219)
must then be kept constant; this is achieved when § is equal to §;,,, as given in Eq. (220):

172
812 = constant[A][BJ/* . (C7)o~"/2 (%) (220)

Expression (220) shows that the slope of log 8, » versus log [A] is a/2. Slmllarly, B/2
and (p — 1)/2 are the slopes observed for the variations with log [B] or log C°, which is a
convenlent way to determine the reaction orders. Note that although developed here for
E;/> . this procedure may be used with any chosen potential E, such that i/illm has a fixed
value ¢. Similarly, variations in ky/D with the temperature (i.e., activation energy deter-
minations) can be obtained through this procedure, provided care is taken of the RT/F
factors, which need to be corrected [compare Eq. (219)] (see, e.g., Chapter 2 for extensions
of this method).

All these methods stem from the fact that for a given reaction sequence. such as that
in Egs. (209) and (210), which involve a single rate-determining step, all the kinetics and
thus the shape and location of the voltammogram depends only on the dimensionless rate
constant parameter A in Eq. (212). As a result, any modification of the experimental
conditions that keep A constant does not modify the dimensionless voltammogram.”
Thus quantitative information on the chemical mechanism [Eq. (210) may be a succession
of chemical steps] is obtained without mathematical derivation, but only from dimension-
less analysis (compare Chapter 2).

However, determination of the intrinsic rate constant k, or of the apparent p™ order
rate constant k requires that the precise mathematical dependence of E, /,, for example., on
the dimensionless rate constant be determined as in Eq. (219). Indeed, the principle of all
methods for determining k, or k consists of increasing the mass transfer rate (i.e., here
decreasing ) so that k&®/D ~ 0 and thus E, 2~ E°.

These methods constitute the frame on which any particular method can be elabo-
rated. Yet in practice, the experimental difficulty is that with standard apparatus, 6°/D
cannot be varied over an extremely wide range. For example, with the rotating disk
electrode (RDE), which is the most convenient steady-state method (with the exception
of ultramicroelectrodes [109]). § depends on the rotation frequency w of the electrode (see
Chapter 2). Yet to maintain correct hydrodynamic conditions w cannot be varied, with

“Yet the variations associated with the temperature may result in additional effects because of the
temperature involvement in Eq. (219).
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standard apparatus, outside the range of 10 rotations per second (rps) to 1000 rps, which
limits access to fast kinetics.

Transient electrochemical techniques [110] allow this range of investigation to be
widely extended (from 1 s to approximately 10 ns). Indeed, the same method may be used
in a time domain extending over approximately eight orders of magnitude. Besides this
very important point, transient electrochemical techniques provide current-intensity and
current-potential patterns that are easily recognizable, for example in cyclic voltammetry.
Thus with minimal eye training, a large amount of qualitative or nearly quantitative data
may be obtained just by inspection of a transient voltammogram. This is in many respects
an important advantage for diagnosis of kinetics, analogous with that of IR, ultraviolet
(UYV), or nuclear magnetic resonance (NMR) spectroscopies for structural information. In
our opinion this is one of the main reasons why transient electrochemical methods have
progressively supplanted steady-state methods. Indeed, as illustrated by the preceding
examples, steady-state voltammograms have generally sigmoidal shapes that are difficult
to relate to a particular mechanism without quantitative analysis.

C. Transient Electrochemical Methods

1. Introduction: Time Hysteresis in Current Reversal Techniques

As explained earlier, in transient electrochemical methods an electrical perturbation
(potential, current, charge, and so on) is imposed at the working electrode during a
time period 6 (usually less than 10s) short enough for the diffusion layer § ~ (2Dg)"/>
to be smaller than the convection layer 8., imposed by natural convection. Thus the
electrochemical response of the system investigated depends on the exact perturbation as
well as on the elapsed time. This duality is apparent when one considers a double-pulse
potentiostatic perturbation applied to the electrode as in the double-step chronoampero-
metric method.

R4ne=P (E° (n>0) 21)

Let us consider, for example, the simple nernstian reduction reaction in Eq. (221)
and a solution containing initially only the reactant R. Before any electrochemical per-
turbation the electrode rest potential E; is made largely positive to E°. At time zero the
potential is stepped to a value E,, sufficiently negative to E°, so that the concentration of
R is close to zero at the electrode surface. After a time 6, the electrode potential is stepped
back to E;, so that the concentration of P at the electrode surface becomes zero. When this
potentiostatic perturbation, represented in Fig. 21a, is applied in a steady-state method,
the R and P concentration profiles are linear and depend only on the electrode potential
but not on time, as shown in Fig. 20a (for k =~ 0). Yet when the same perturbation is
applied in transient methods, the concentration profiles are curved and time dependent, as
evidenced in Fig. 21b. Thus it is seen from this figure that a step duration at E;, much
longer than the step duration 6 at E,, is needed for the initial concentration profiles to be
restored. This hysterisis corresponds to the propagation of the diffusion perturbation
within the solution, which then keeps a “memory”” of the past perturbation. This informa-
tion is stored via the structuring of the concentrations in the space near the electrode as a
function of the elapsed time.

The current flowing through the electrode is proportional to the gradient of the R (or
the P) concentration profile at the electrode surface. Thus the progressive smoothing of the
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Figure 21. Transient potentiostatic electrochemical perturbation of a simple electron transfer
reaction: (a) imposed potential; (b) resulting concentration profiles for the reactant (solid curves)
or the product (dashed curves) for a step duration 6 = 10 ms at various times from the beginning of
the pulse; (c) resulting variations in the current.

concentration profiles with the time elapsed after each discontinuity of the perturbation
results in a constant decrease of the current with time, as represented in Fig. 2lc.

Let us now assume that the produce P formed upon the electron transfer in Eq.
(221) may react chemically with a half-life t;». When 6 < t/,, almost no P has time to
disappear during the time duration of the experiment. The P concentration profile then
remains identical to that shown in Fig. 21b, and the current observed for t > 4, which
corresponds to P reoxidation, is identical to that in Fig. 21c. Conversely, when 6 > t, 5,
nearly all P molecules produced at the electrode are consumed and the P concentration
profile is flat and close to zero, except in the close vicinity of the electrode. As a result
almost no oxidation current is observed for t > 6, that is, during the period in which the
electrode potential is stepped positive to E° (see Fig. 21a). In the intermediate range,
that is, when 6 and t;,; are of similar orders of magnitude (generally
0.1t < 6 < 10t)5), intermediate values of the oxidation current are observed as in
Fig. 22. Determination of these variations allows the precise determination of the che-
mical follow-up sequence in which P is involved, as well as of the pertinent rate con-
stants (see Chapter 2).

However, this large sensitivity for mechanistic analysis is earned at the expense of
two important factors. First, owing to the large potential variations, the fine dependence
of the system on the electrode potential around E° is not seen. Second, and maybe more
important, the current versus time variations have no important visual characteristics.
Indeed, as seen from Fig. 22, for example, all the curves are very similar and only their
juxtaposition on the same figure allows their shapes to be compared.

For these two reasons cyclic voltammetry has progressively supplanted potentio-
static or galvanostatic methods in electrochemical kinetic investigations. A more com-
plete description of this method is given in Chapter 2, yet for our purposes here we
present the method briefly. It basically consists of applying a linear variation of the
electrode potential E with time from a potential E;, where the reactant R is not
electroactive, to a potential E; sufficient for the reactant concentration to be zero at
the electrode surface. At E; the potential is linearly scanned back to E;, usually with an
identical slope with respect to the time. The latter, v, is designated as the scan rate (in
volts per second). Figure 23a presents such a potential-time dependence, together with
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Figure 22. Variations in the current trace in a potentiostatic experiment for an EC sequence for
different values of the dimensionless chemical rate constant ké (numbers on the curves).

the corresponding i — E curve® (Fig. 23b) obtained for the reduction process in Eq.
(221). Eye inspection of the cyclic voltammogram in Fig. 23b shows the presence of
two current peaks, in contrast to the monotonous variations of the current in Fig. 2lc.
These peaks result from the existence of two opposite effects that successively control
the magnitude of the current. For example, for the cathodic scan in Fig. 23, the
gradual decrease in R concentration at the electrode surface, when the potential is
made more and more cathodic, tends to increase the current by making the R con-
centration profile steeper. Yet the propagation of the perturbation into the solution, as
shown in Fig. 21b, tends to flatten the concentration profile, which results in a pro-
gressive decay of the current. In practice it is easily understood that the large varia-
tions in the surface concentrations for potentials in the vicinity of E° overwhelm the
diffusion effect, the current then tending to rise. Yet when [R],_, is close to zero, the
potential variations affect the current magnitude less than the diffusion propagation in
the solution, which explains why the current progressively decays. For the backward
scan the same phenomenology applies to the product concentration [P],_,, which then
results in the appearance of an inverted peak on the lower trace in Fig. 23b. When P
reacts chemically, the magnitude of the reverse peak gradually decreases (Fig. 23c)
because there is less and less P present in the solution. Again this allows determination
of mechanisms and their pertinent rate constants, as explained for the double-step
chronamperometric method. From this brief presentation it is seen that an important
aspect of cyclic voltammetry is that the shapes of cyclic voltammograms are extremely
indicative of the chemical processes occurring at the electrode or in the solution. As
such it is an extremely useful tool for kinetic diagnosis. Yet the much more compli-
cated shapes, when compared with those in Fig. 22, for example, makes quantitative
information on the current difficult to obtain.

“Note that rather than presenting the current variations versus a time axis, a current versus potential
plot is preferred. Thus in Fig. 23b, the upper trace corresponds to the forward cathodic scan,
whereas the lower trace corresponds to the backward anodic scan.
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(b)

Figure 23. Cyclic voltammetry. (a) Imposed potential versus time variations. (b) Resulting tran-
sient current-potential curve for a simple electron transfer. The concentration profiles of the reactant
R and product P are indicated at various characteristic potentials of the voltammogram. E,. and
E,.. cathodic and anodic peak potentials. (c) Schematic change of the cyclic voltammogram as a
function of the chemical stability of the product.

2. Transient Electrochemical Methods and Chemical Kinetics [110]

From the preceding presentation it is seen that the current variations with time or poten-
tial-time are intimately related to the concentration profiles of the species engaged in
heterogeneous electron transfers at the electrode surface. Thus any kinetic or thermody-
namic perturbation of these concentration profiles results in a variation of the current/time
or current/potential-time transient characteristics as outlined in Fig. 22 or 23¢c. As was also
apparent in the preceding discussion, as well as in several other places in this chapter, the
degree to which these perturbations affect the concentration profiles is a function of their
relative effect vis-a-vis the mass transfer rate. Dimensionless analysis again proves to be a
very convenient way to appreciate this degree of interference through the dimensionless
rate constants A, equilibrium constants «, or heterogeneous rate constants A in Table 5.
Thus any experimental variation resulting in an overall constancy of these dimensionless
parameters does not change the dimensionless v versus t or ¥ versus & curve, that is, the
dimensionless voltammogram. This is a situation identical to that developed more exten-
sively for the steady-state methods and is the basis of most electrochemical methods for
the determination of reaction orders and rate constants.

Yet when applied to current reversal techniques, such as double-step chronampero-
metry of cyclic voltammetry, these methods require that an appreciable current be
observed during the backward perturbation, that is, for t > 0, in potentiostatic methods
or after the potential scan inversion in cyclic voltammetry. This requires that the char-
acteristic time 6 of the method is adjusted to match the half-life t, , of the electrogenerated
intermediate. Today, owing to the recent development of ultramicroelectrodes,  can be
routinely varied from a few seconds to a few nanoseconds [102]. Yet with basic standard
electrochemical equipment, @ is usually restricted from the second to the low millisecond
range. Thus for experimental situations involving faster chemical reactions, current rever-
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sal techniques are of little use. Yet, as is the case for steady-state methods, much kinetic
information allowing mechanistic discriminations and reaction order determinations may
be gathered from characteristic potential changes. Obviously, staircase methods, such as
chronoamperometries, which are blind to these variations, are not convenient, but such
methods as cyclic voltammetry or its descendants (Chapter 2) are extremely precise and
adequate through peak potential or half-peak potential analysis.

Indeed, in cyclic voltammetry, peak potentials E, play a role identical to that of half-
wave potentials E;, in steady-state methods. As for the later methods, peak potentials
vary linearly with the logarithm of dimensionless kinetic parameters A or A in Table 5,
provided these latter have values sufficiently large when compared to unity [94]. These
linear variations, which may be used for determination of reaction orders, stem from the
same mathematical reasons as explained in the case of E;,,. Yet the physical reason is
quite different as evidenced by the case of the simple EC sequence in Egs. (222) and (223):

R+ne="P (E° (222)

P—s . (k) (223)

From Eq. (174), the partial derivative equation describing the concentration profile of P is
written in dimensionless terms (compare Table 5):

0<y: a—p = 82—p —A (224)
V' w T oy 22

When A = k6 > 1, the kinetic term in Eq. (224) tends to be extremely large. On the
other hand, dp/dt cannot be infinite, for obvious physical reasons (except at possible
discontinuities in the potential variations). Thus the diffusion term 9 p/dy’* must compen-
sate” for the kinetic term in order that dp/dr remain finite. In other words, a quasi-steady
state is reached by mutual compensation of kinetics and diffusion. As a result, dp/d7 K
9°p/dy* and Ap. Equation (224) thus becomes equivalent to Eq. (225), at least as concerns
the derivation of the concentration profile of P.

O0<y: O0=—-—Ap (225)

Comparison of Eq. (225) and Eq. (193) or (211) shows that the problem is identical to that
presented for steady-state methods. Thus, the same mathematical derivations show that
any characteristic potential figure (E, or half-peak potential E,», and so on) varies line-
arly with the logarithm of A = k6. Indeed, one obtains by simple transposition in Eq.
(219),

RT
=E° + | ——— | In [ko[A]*[B]? - - - (C°)* V] + cst 226
By = B+ | s o (ATBI - (€61 4 s (226)
for the peak potential variations relative to the EC sequence in Eqgs. (227) and (228).
R+ne=P (E° (227)
PP+ oA + BB+ - —> - (Ko; k= ko[A]'[B}?--) (228)

"Note that this may be established on firm mathematical grounds, but it is beyond the scope of this
presentation [94].
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In Eq. (226), 0 is usually defined as # = RT/Fvn, v being the scan rate, yet any dimension-
less parameter, such as 6 = AE/v, where AE is an adequate difference of potential, is
equally convenient. Then, even when k, cannot be determined, its temperature variations,
that is, AH", as well as the different reaction orders p, , f, . . ., may be determined through
the same experimental procedures already discussed for the analogous case of E;/; in
steady-state methods.

Extension of these approaches to much more sophisticated kinetic situations, which
involve, for example, two or three routes for a key intermediate, have been developed (Ref.
94 and references therein). Relative rate constants (or relations between rate constants)
may then be obtained that allow, by reference to a known value, the absolute determina-
tion of all the series. For example, rate constants for the cleavage of aromatic halide anion
radicals, corresponding to a half-life from about a second to a few picoseconds, have been
determined using these procedures [103].
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I. INTRODUCTION

Electrochemical methods are widely used to gain information about the kinetics and
mechanisms of chemical reactions associated with the electron transfer at an electrode.
A unique feature of these methods is that the electrode serves both as the means of
generating an intermediate, for instance a radical ion, and as the means to monitor its
reactions to products.

This chapter is meant to serve both as a guide for the beginner and as an overview
for the nonelectrochemist with a need to know the methods available. Approximately half
of the chapter is concerned with various aspects of linear sweep and cyclic voltammetry in
view of the importance and widespread use of these techniques. Some general aspects of
the heterogeneous electron transfer process, and the chemical reactions associated with it,
are introduced in this part. Electrochemical reactions in which the electroactive substrate
is formed in a chemical reaction in solution prior to the electron transfer [1-5] and
catalysis of chemical reactions by electron transfer [6] are not included in this chapter.
The reader interested in the details of such reactions should consult the presentations
referred to. The reader is encouraged also to consult Chapter I, where a number of
basic electrochemical concepts are discussed in detail.

In organic chemistry electrons are, as a rule, transferred one by one [7]. This is in
contrast to inorganic electron transfer reactions, where two- and three-electron processes
are common. However, in order to preserve the formalism generally used in electrochem-
istry, the number of electrons n is maintained in most formulas, although n equals one in
practically all cases.

The general discussion of electrochemical reactions is, for the sake of consistency,
restricted to cover reductions only. The transposition to oxidations should not present any
problem, but the reader should be aware that the plus or minus sign in some equations has
to be changed.

Il. LINEAR SWEEP VOLTAMMETRY AND CYCLIC VOLTAMMETRY

Voltammetry in unstirred solution where the predominant mode of mass transport is
limited to diffusion is one of the most useful techniques for the study of electrochemical
reactions [1-5,8-11]. Most often, a triangular potential-time waveform with equal positive
and negative slopes is used, and usually also the initial potential (E;;;;;.)) and final potential
(Efinay) are the same as illustrated in Fig. 1(a). This has given rise to the term cyclic
voltammetry (CV). However, sometimes the voltage sweep is continued to include one
or more additional E-t half-cycles or includes more complicated sawtooth-like waveforms
to meet special needs.

An example of a current-potential curve, a so-called voltammogram, resulting from
a simple triangular sweep is shown in Fig. 1(b). A characteristic feature is the presence of
peaks, in this case two, identified by the peak potential E; (see Chapter 1). The particular
voltammogram shown in Fig. 1(b) results from a process in which a substrate during the
forward sweep is reduced at E, = —1.57V to a product or intermediate, the oxidation of
which is observed at E, = —1.22V during the backward sweep. In addition to E,, a
voltammogram is normally characterized by the peak current i, and the half-peak width
E, —E, 2, where E,» is the half-peak potential, that is, the value of E at which i =1i,/2
[see Fig. 1(b)]. Analysis of how E,,, E, — E;», and i, vary with, for instance, changes in the
voltage sweep rate v, and the bulk concentrations of substrate C and reagents C; may
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Figure 1. (a) Potential-time waveform for a triangular voltage sweep between —1 and —2V at a
sweep rate (v) of 0.1 Vs~ and (b) a simulated (DigiSim) voltammogram for a substrate that is
reduced at E, = —1.57V to a product or intermediate, the oxidation of which is observed at
E,=-122V.

provide information about the thermodynamics and kinetics associated with the electro-
chemical reaction. This type of analysis is discussed in some detail in Secs. II.B and I1.C. If
only the voltammogram corresponding to the first half-cycle is used for data analysis, the
technique is referred to as linear sweep voltammetry (LSV).

Significant theoretical contributions to this type of voltammetry were published in
1955 by Matsuda and Ayabe [12] and in 1964 by Nicholson and Shain [13]. The years to
follow were a period of intense activity in the calculation of the electrode response for
many different mechanisms. Most notable of the large volume of papers published are
those of Nicholson and coworkers [14—17] and of the Savéant group [18-26]. Efforts
initiated by Parker and coworkers [27-38] have been directed toward the development
of LSV and CV as practical tools for quantitative studies of electrode processes. The
application of digital simulation, originally described by Feldberg [39], has had a very
strong impact in that the mathematical complexity of the calculations is greatly reduced
and the approach is readily adopted for simple reaction schemes. The method has since



98 Hammerich

been further developed with the aim of including more complex reaction schemes, and to
improve the precision and reduce the computer time [40—44]. User-friendly commercial
software (DigiSim from BAS) is now available and has been used in this chapter for
illustration purposes. In addition, simulation software is available directly from various
authors. The interested reader may obtain the necessary information through the Internet.

A. The Experimental Setup

1. The Electrochemical Cell

An example of the instrumentation for LSV and CV is shown in Fig. 2. The cell is a simple
and convenient design consisting of a 30-ml tube fitted with a B19/26 ground-glass joint.
The electrode holder is made of Teflon and has holes for the three electrodes [1]. In
addition, there is an inlet for an inert gas, usually nitrogen or argon, by which the vol-
tammetry solution is purged before the measurements are made. This serves to remove
dissolved oxygen, which, during the study of reduction processes, may itself be reduced or
may react with intermediates such as radical anions produced at the cathode. Oxygen may
react also with radical cations generated at the anode. Therefore, even for oxidations it is
recommended that measurements are carried out in the absence of oxygen. The fixed
arrangement of the electrodes is desirable to avoid changes in the geometry when an
electrode is taken out of the electrolyte and then replaced.

XY-Recorder or
oscilloscope Computer

3

Function
generator  (Potentiostat | Current-voltage converter

C
) p

Q—Nz

Teflon stopper

Test tube

Figure 2. Experimental sctup for linear sweep and cyclic voltammetry. W, working electrode; R,
reference electrode; C, counterelectrode.
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The working electrode usually is a circular disk made of platinum, gold, or glassy
carbon, and which together with the electrical connection is inserted in a nonconducting
material and polished to mirror quality. For reductions, mercury (film) electrodes are
frequently used also owing to their microscopic smoothness and because of the large
overpotential for hydrogen evolution characteristic for this electrode material. The latter
makes possible the study of difficult-to-reduce substrates in water and other hydroxylic
solvents. The oxidation of mercury at a low potential (0.3-0.4V versus the saturated
calomel electrode SCE) to mercury salts or organomercurials prevents the use of these
electrodes for oxidations.

Reference electrodes are frequently commercial aqueous calomel electrodes or simi-
lar. However, the use of these types of electrodes may cause unnecessary complications,
such as the need to separate the reference and working compartments of the cell in order to
avoid exchange of dissolved species; or solvents if the electrochemical process is studied
under nonaqueous conditions. In the latter case, it is often more convenient to use non-
aqueous reference electrodes [45] containing a silver wire immersed in the same solvent-
supporting electrolyte solution as that in the working compartment. A disadvantage of the
latter type of reference electrode is that the potential usually cannot be accurately pre-
dicted. Thus, it is necessary to calibrate the electrode, for instance by recording the
voltammogram of a standard redox couple, if the measured potentials are to be used in
comparison with published values. A commonly used standard is the ferrocene/ferro-
cenium (Fc/Fct) redox couple [46].

The counterelectrode usually consists of a platinum wire or a small platinum foil.

Without any further refinement, the cell shown in Fig. 2 is suitable for measurements
at voltage sweep rates from about 0.1 to 500V s~! using working electrodes with surface
diameters ranging from about 2 to 0.1 mm (see also Sec. I1.D).

2. The Solvent-Supporting Electrolyte System

For routine work, solvents and supporting electrolytes of the highest commercial quality
may usually be used without further purification. It is, however, often necessary to have
solvent-supporting electrolyte solutions that are essentially free of reactive impurities in
order to study the voltammetric behavior of highly reactive intermediates. Elaborate
vacuum line apparatus has been described for this purpose [47-51]. Sometimes it is
more convenient instead to conduct the voltammetric experiments over neutral alumina
[52]. The method is simply to add active neutral alumina directly to the voltammetric
cell—for example, of the type shown in Fig. 2—and to mix vigorously for a few minutes
before the measurements are made. The method is very effective in removing the electro-
philic and nucleophilic impurities normally present in trace amounts even in the most
carefully purified solvent-supporting electrolyte solutions. However, one should be
aware that also the substrate may be adsorbed at alumina, and therefore this approach
can in general be used only in qualitative work.

3. The Electronic Equipment

A discussion of the instrumental aspects of voltammetry and leading references to the
original literature can be found in some of the monographs already cited in the introduc-
tion [1-4]. The essential units are the potentiostat, a triangular waveform generator, and a
recording device. The latter is most conveniently a digital oscilloscope or a transient
recorder. Commercial equipment with the units combined into one instrument controlled
by a PC is available from a number of manufacturers. Also, homebuilt instrumentation
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has found use in many cases, for instance, in studies in which so-called ultramicroelec-
trodes (discussed later) have been used.

B. Simple Electron Transfer Reactions

In this section we examine the relationship between current and potential in the case where
the primary product of the electrode reaction is stable in solution, that is, there are no
chemical reactions coupled to the electron transfer reaction.

An electron transfer reaction, Eq. (1), is characterized thermodynamically by the
standard potential E°, that is, the value of E at which the activities of the oxidized form A
and the reduced form B of the redox couple are the same. Thus, the second term in the
Nernst equation, Eq. (2), cancels. Here, R is the molar gas constant (8.314] K~'mol™ )y, T
is the temperature (K), n is the number of electrons, and F is Faraday’s constant
(96,485 C). Parentheses are used for activities, brackets for concentrations, and fs and
fy are the activity coefficients. However, what may be measured directly is the formal
potential E° defined in Eq. (3). It follows that the relation between E° and E° is given by
Eq. (4). In this chapter we assume that activity coefficients are unity and therefore that
E° =E°

ks.f
A+ne = B (E% 1
ks,b
o RT NGY oy RT. fa[A]
E=E+ e = F ToF "G @
- o/ [A]
E=E 11 ] (3)
_po RT, fa
=E +nF f 4)

The kinetics of the electron transfer reaction, Eq. (1), are described by the hetero-
geneous electron transfer rate constants kg ¢ and kg, (cm s'l), where the subscript s indi-
cates a surface process. The values of k;r and kg, depend exponentially on the potential E
as seen in Eqs. (5) and (6), in which k° is the standard heterogeneous electron transfer rate
constant and « is the electrochemical transfer coefficient [53] (see also Chapter 1). It is seen
from Egs. (5) and (6) that kg ¢ = k,, = k°® at E = E°. The relation between ks and k; ;, and
the current i is given by the Butler-Volmer equation, Eq. (7), where A is the electrode area
(cm?), and [A]; and [B]; are the concentrations of A and B at the electrode surface.

kst = k° exp[—anF(E — E°)/(RT)] ©)
ks p = k° exp[(1 — a)nF(E — E°)/(RT)] (6)

i= nFA(ks,f[A]s - ks,b[B]s)
= nFAK°{[A]; exp[~anF(E — E°)/(RT)] — [B;exp[(l — o)nF(E — E°)/(RT)]}  (7)
In electrochemistry, electron transfer reactions are classified as reversible, quasi-
reversible, or irreversible, depending on the ability of the reaction to respond to changes

in E. In voltammetry the relevant kinetic parameters are k°, «, and v. The mutual influence
of k® and v is conveniently expressed through the magnitude of the dimensionless para-
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meter A defined in Eq. (8) [12], where D, and Dgy are the diffusion coefficients for A and
B, respectively. Usually these are assumed to be identical.

a2

K (DA>
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RT RT
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1. Reversible Electron Transfer

A reversible electron transfer reaction is, strictly speaking, the limiting case where A and B
are in thermodynamic equilibrium at the electrode surface, that is, the electron transfer
reaction responds instantaneously to a change in E. Thus, the ratio between [A]; and [B],
depends only on E — E°, the relationship being given by the rearranged Nernst equation,

Eq. (9).
[A]/[B]; = exp[nF(E — E°)/(RT)] ©

The equilibrium condition implies an infinitely large value of A, which may result from an
infinitely large value of k® and/or an infinitely small value of v. In practical work, an
electron transfer process is called reversible if the deviations from this limiting case are so
small that they cannot be detected experimentally. This happens typically when A is larger
than approximately 12 (discussed later). It also follows from the preceding discussion that
the shape and position of the voltammogram, defined for instance by the values of E,,
E, — E; 2, and i, are independent of the kinetic parameters k° and «.

A cyclic voltammogram for a reversible one-electron reduction is shown in Fig. 3.

Ideally, the part of voltammogram recorded during the forward sweep satisfies the
following three criteria [12], where the values given in mV refer to T = 298 K:

1.0
0.8
0.6
0.4f
0.2}
0.0}
0.2
0.4F
0.6}
0.8} E,

1.0 4.2 1.4 16 1.8 2.0

i (MA)

Figure 3. Simulated (DigiSim) cyclic voltammogram for a reversible one-electron reduction with
E° = —1.5V. The other simulation parameters are k°=10"cms™', «=0.5, T =298.2K,
Ci = 1mM, and A = 1 cm’. These are the same for the other simulations included in this section
unless otherwise stated. The simulations do not include effects caused by uncompensated solution
resistance (see Sec. I1.D.2) and double-layer charging (see Chapter 1).
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1. The value of E, — E° is given by Eq. (10) and is independent of v. This is often
expressed as in Eq. (11).

5
Ep—E°=—111EV_—& mV (10)
n

dE,/d(logv) =0 (1)

2. The value of E, — E,, is given by Eq. (12).

E—E/,_—720EV_—ﬁ mV (12)
nF n

3. The value of iy is given by Eq. (13). It is seen that i, increases linearly with 72
1/’) 1/2 nF 12

= 0.4463nFAC,D,/*v'/* (RT> (13)

If also the part of the voltammogram recorded during the backward sweep is included, we
have:

4. The peak current ratio —iy* /i;fd is unity and independent of v. For a simple
electron transfer process, measurements of the peak current ratio serve to con-
trol the assumption that B is indeed stable in the solution on the time scale of the
experiment.

5. The peak separation, AE, = EJ* — E;,ed, is equal to approximately 57 mV, with
the exact value depending on the potential Eg,;, at which the voltage sweep is
reversed. Equation (14) refers to the limiting case E® — Ey,cy = 00, where AE,
for obvious reasons is twice the value of E, — E°.

T :
AEP=EgX—E§d=2x1.11R— V=5;/1—0 mV (14)

6. E°may be determined as the average of E;* and Ered Eq. (15), often referred to
as the midpoint potential. Again, thlS equatlon is only strictly valid for
E° — Eqyuen = 00, but the error at, for instance, E® — Egicn = 0.3 V is negligible
in most practical work.

E° = (ES* — Ex%))2 (15)

A difficulty arises in determining —ip /1red in that it is not obvious how the base line for iy
should be determined. Indeed. expenmental voltammograms are often less well behaved
than the simulated one shown in Fig. 3. The most reliable procedure appears to be a
graphical method [54], which, however, should be used with care [55].

It is often possible to observe a second electron transfer reaction, Eq. (16), within the
potential window defined by the discharge of the solvent-supporting electrolyte solution.

B+ne"=C (16)

An example of a voltammogram for two consecutive one-electron reductions is shown in
Fig. 4. When the two electron transfer reactions are as well separated as those shown in
Fig. 4, the difference between the peak potentials for the first and the second electron
transfer is to a good approximation equal to the difference in standard potentials ES — ES.
When the two electron transfer reactions are closely spaced, the difference in standard
potentials may be determined from the half-peak width of the overlapping waves [56].
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Figure 4. Simulated (DigiSim) cyclic voltammogram for two consecutive reversible one-electron
reductions with E{ = —~1.3V and E5 = —1.7V. For other simulation parameters, see Fig. 3.

When E? — EY is known, the equilibrium constant for disproportionation Kspr, Eq. (17),
may calculated from Eq. (18). Introduction of the E° values used in the simulation for Fig.
4, that is, E{=-1.3V and E$=-1.7V, together with n=1 results in
Kaspr = 1.7 x 1077, The value of Kaspr s dependent on solvent and is, as a rule, found
to decrease with decreasing polarity of the solvent [52].

2ZB=A+C (Kdispr) (17)

K gispr = expl(E3 — E))nF/(RT)] (18)

The formation of more highly charged species may be observed in special cases.

2. Quasi-Reversible Electron Transfer

In the general case, named quasi-reversible, the electron transfer reaction, Eq. (1), does not
respond instantaneously to changes in E. In other words, [A] and [B]; are determined not
only by the value of E — E°, but also, via Egs. (5) and (6), by the magnitudes of k°® and o.

Typical voltammograms for quasi-reversible electron transfers are shown in Fig. 5.
In comparison with the voltammogram for the reversible case (Fig. 3), it is seen that the
reduction peak has moved in the negative direction and the oxidation peak in the positive
direction, resulting in a peak separation AE;, larger than ~57mV. It appears from Egs. (5)
and (6) that decreasing values of & cause kg ¢ to decrease and kg, to increase and, as a
consequence, Ere and E;* both move in the negative direction (Fig. 5). Conversely,
increasing Values of o cause Eer and E;* to move in the p0s1t1ve direction (Fig. 5). The
overall result is that the effect of the magmtude of « on AE, is small as long as « does not
deviate too much from 0.5 [14,57]. In that case k° may conveniently be determined from
values of AE, recorded at different v. It is important to notice, however, that the mere
observation of AE, larger than ~57mV (at T = 298 K) is not in itself a sufficient criterion
for the classification of an electron transfer reaction as quasi-reversible. Many other
factors, such as adsorption phenomena and insufficient electronic compensation of the
voltage drop caused by the solution resistance (discussed later), may cause voltammo-
grams to have peak separations larger than ~57mV.
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Figure 5. Simulated (DigiSim) cyclic voltammograms at v = 1Vs™' for a quasi-reversible one-
electron reduction with E® = —1.5V, k® =3 x 10 ems™!, and & = 0.3 (dot), @ = 0.5 (solid), and
a = 0.7 (dash). For other simulation parameters, see Fig. 3.

The expressions for E;, — E°, E, — E; » and i, for the quasi-reversible case are given
in Egs. (19)~(21), where E(A, o), A(A, «), and K(A, «) are nonlinear functions of A and
«. These are available as graphical representations in the paper by Matsuda and Ayabe
[12]. Alternatively, the reader may find expressions for E, —E°, E, —E,, and i, in
dimensionless notation in a paper by Savéant and coworkers [20].

~ RT
Ep - EO = —L':‘A(A, a)ﬁ (19)
RT
Ep - Ep/Z = —A(A. a)ﬁ (20)
nF 1/2
i, = 0.4463K(A, ®)nFAC;D,/*v'/? (ﬁ) (21)

3. Irreversible Electron Transfer

When A becomes progressively smaller, the shape of the voltammogram continues to
change. Experimentally, a constant shape is reached when A is smaller than approximately
0.2 (discussed later). The value of E required to obtain an appreciable rate of reduction of
A is now so much on the negative side of E° that the second term in Eq. (7) may be
neglected. In other words, the electron transfer has become irreversible. By the same type
of argument it is clear that the oxidation of B back to A during the backward sweep
proceeds irreversibly as well.

Typical voltammograms for irreversible electron transfers are shown in Fig. 6. In
comparison with the voltammograms for the quasi-reversible case (Fig. 5), it is seen that
the reduction peak has moved even more in the negative direction and the oxidation peak
even more in the positive direction, to the point that there is now a potential region
between the two peaks in which essentially no current flows. The extension of this region
depends on the magnitude of A. Also, the effect of « is more pronounced than for the
quasi-reversible case.
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Figure 6. Simulated (DigiSim) cyclic voltammograms at v=1Vs™' for an irreversible one-clec-
tron reduction with E° = —1.5V, k° = 10> ecms™', and « = 0.3 (dot), & = 0.5 (solid), and « = 0.7
(dash). For other simulation parameters, see Fig. 3.

Ideally, the voltammogram satisfies the following three criteria [12], where, as before,
the values given in mV refer to T = 298 K:

1. The value of E, — E° is given by Eq. (22) and depends on «, k°. Dy, and v. It
follows that E, changes with v as given in Eq. (23).

k° avnF\ RT
—E°=|{-0. | —11 2
E, —E ( 0.783 + HDXZ 5In RT)anF 22)
d .
Ep I RT In10 = _26 mV (23)

d(logv) ~ " 2anF

2. The value of E, — E,, is given by Eq. (24), which for « = 0.5 results in E, —
E;/» equal to —95.4mV.
RT 47.7
3. The value of i, is given by Eq. (25). It is seen that i, increases linearly with v'/%,
By comparison of Eqs. (13) and (25) it is seen that i, for the irreversible case is
1.11¢!/%(0.78 for « = 0.5) times ip for the reversible case.

F 1/2
i, = 0.4958nFAC;DY*v'/2 (%) (25)

4. Concluding Remarks and Examples

The borderlines between reversible, quasi-reversible, and irreversible behavior were ori-
ginally defined by Matsuda and Ayabe [12] on the basis of mathematical reasoning.
However, in practical work it is more convenient to define borderlines reflecting where
deviations from the two limiting cases, reversible and irreversible, may be observed experi-
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mentally. Using the rather conservative estimate (discussed later) that the error in peak
potential measurements is typically =2mV, Savéant and coworkers [20] arrived at the
borderlines given by Egs. (26)—(28) for o = 0.5. The handy expressions for k° refer to
n=1,T=298K,and D=1 x 10~ cm?s~!, and assumes that v is measured in Vs~'.

Reversible: A>115 or k°>023"2 cms™! (26)

Quasi-reversible: 11.5> A >0.2 or

5 27
0.23v2 ems™! > k° > 0.004v'/% cms~! @n

Irreversible: A <02 or k°<0.004"% cms™! (28)

It follows from this discussion that an electron transfer reaction that appears reversible at
one (low) sweep rate may change to a quasi-reversible or even irreversible process at higher
sweep rates. This should be kept in mind since the application of LSV and CV in kinetics
and mechanism studies, detailed in Sec. II.C, usually includes the recording of voltammo-
grams at a number of different sweep rates, and the analysis of the data is usually based on
the assumption that the electron transfer is reversible.

Radical ions and radicals are usually highly reactive and react further on the time
scale of voltammetric experiments at low v. Exceptions are many heterocyclic com-
pounds and substrates carrying a substituent that is able to stabilize a negative or
positive charge and/or an unpaired electron. Examples include the reduction of nitro
compounds (Chapter 9), quinones (Chapter 10), and compounds such as viologens
containing two reducible functional groups [58], or the oxidation of thianthrene
(Chapter 17), tetrathiafulvalenes (Chapter 17), and a number of methoxy substituted
aromatic hydrocarbons (Chapter 16). Numerous other examples may be found through-
out this book. In many of the examples mentioned, it is possible to observe also the
second electron transfer leading to the dianion or dication. In a special case, reversible
or quasi-reversible electron transfers leading ultimately to the formation of an octaanion
have been observed [59].

The determination of E° for the oxidation or reduction of a substrate provides a
direct measure of the free energy of formation of the resulting intermediate, a radical ion
or radical. Values of E° are important quantities in thermochemical calculations of, for
instance, bond energies [60]. The temperature dependence of E°, which gives insight into
AS for the electron transfer reaction, has been investigated in a number of cases, in
particular for the reduction of aromatic nitro compounds [61]. Values of —AS,3, are
typically in the range 5-20 cal K™' mol~".

Electron transfer reactions that are accompanied by large structural changes may
give rise to the rather unusual observation that the second electron is easier to add or
remove than the first, so-called potential inversion [62—64].

Examples of the application of CV for the study of the kinetics of the heterogeneous
electron transfer reaction include the reduction of quinones [65,66] and nitroalkanes [66—
68]. For radical anions, the effect of the nature of the counterion, that is, the cation of the
supporting electrolyte, has been investigated [66,69], and the general trend is that the value
of k° decreases when the length of the carbon chain in R4N™ increases (see also Sec. I1.C.5
for other counterion effects). Attention should be paid also to the fact that k° is sometimes
observed to depend on the electrode material and thus is not a true standard value. [70]. In
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addition to CV, methods based on AC voltammetry are useful for studies of heteroge-
neous electron transfer kinetics [71].

C. Electron Transfer Reactions Followed by Chemical Reactions in Solution

Some of the most successful applications of LSV and CV are concerned with the study of
the kinetics and mechanisms of the reactions of electrode generated intermediates and a
large share of the electrochemical literature deals with this aspect of voltammetry [8.9,13—
38.72]. The majority of electrochemical reactions include radical ions as the primary
intermediates, and the reaction schemes describing the conversion of a substrate A to
products are typically composed of one or two one-electron transfers and one or two
chemical steps. The examples include cathodic hydrogenations, (4+2e~, +2H") (see
Chapter 6) and hydrodimerizations (+e~, +H") (see Chapter 21), and anodic additions
(—2e~, +2Nu") (see Chapter 24), dehydrodimerizations (—e~, —H™) (see Chapter 22),
and substitutions (—2¢~, +Nu~, —H™) (see Chapter 24), where Nu~ is nucleophile)

The electrochemical literature abounds with symbols and abbreviations that are not
always strictly logical. Therefore, a few comments about the abbreviations used in the
following to designate basic electrode mechanisms are necessary. The notation is based on
that due to Testa and Reinmuth [73] where the letter e indicates an electron transfer
process and the letter ¢ indicates a chemical reaction. It is helpful to distinguish between
reversible (fast) and rate-determining (slow) steps by using lower-case letters for reversible
and capital letters for rate determining steps. Since electron transfer reactions can take
place either at an electrode (heterogeneous electron transfer) or in solution (homogeneous
electron transfer), those taking place in solution are given the subscript h. The use of this
and other abbreviations frequently met in the literature is illustrated next. The presenta-
tion is restricted to cover only chemical reactions that follow a reversible electron transfer.
Reaction schemes including quasi-reversible electron transfer, or dissociative electron
transfer reactions [74,75], for instance, observed for the reduction of alkyl halides
(Scheme 1), are only mentioned briefly.

Dissociative electron transfer reaction

R—X +e —> Re + X~

Scheme 1

1. Typical Irreversible Follow-Up Reactions

Examples of mechanisms resulting in first-order rate laws are summarized in Scheme 2,
where the right-hand part of Eq. (ii) refers to the situation where the reaction of B is with a
reagent X. In that case the kinetics are usually studied under pseudo first-order conditions,
that is, at C5/C}4 > 1. Often the product C is more easily reduced than A [76], resulting in
a second electron transfer. This may take place either at the electrode (iii) or in solution
(iv) [77], resulting in an eCe or an eCe; mechanism, with the latter sometimes being
referred to as a DISP1 mechanism. The intermediate D finally reacts with, for example,
the reagent X, to the product E. The observed rate laws (vi)—(viii) for all these cases are the
same.
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Mechanisms resulting in first-order rate laws:

A+eT — B i)

kll kll’ -
B—>C o B+X—>C (ii)
Cte —> D (i)
B+C —> A+D (iv)
D+X —> E W)

Mechanism abbreviation ~ Observed rate law  kp (Cx/Cx>>1)

()-Gi):  eC —d[BY/dt=k,[B] k,ork,/C (vi)

(i)-Gii)-(iii): eCe —d[BJ/dt =k, [B] k,ork,/C} (vii)

(i)-(ii)~(iv): eCe;, —d[BYdt =k, [B] 2k,or2k,/Cy  (vii)
Scheme 2

Another important set of reactions are the dimerizations, which are usually discussed
within the frames of the two mechanisms shown in Scheme 3. If the formation of C results
from the coupling of two radicals or radical ions (ii), the reaction is referred to as a
radical-radical process (RR). Another route to C, the radical-substrate process (RS),
includes the coupling between A and B (iii) resulting in the formation of an intermediate
I that is further reduced to C by reaction with B (iv). The direct reduction of I to C at the
electrode is usually without importance. Finally, the intermediate C reacts with a reagent
X to the product D. These dimerization mechanisms belong to a more general scheme to
be discussed in some detail later (Sec. I1.C.5).

Mechanisms resulting in second-order or third-order rate laws:

A+e” B @
kll e
2B —> C (iD)
klll ve
A+B —> 1 (iii)
B+I —> A+C @iv)
C+X —> D (v)
Mechanism abbreviation ~ Observed rate law K ops
()-(ii): eC(dim) or RR —d[B]/dt= kobs[B]2 2k, (vi)
(i)-(iii)-(iv): RS —-d[B)/dt =k [A][B] 2k, (vii)
Scheme 3

2. Kinetic Classification of Simple Irreversible Follow-Up Reactions

Let us now consider the voltammetric response for a reversible one-electron reduction
followed by an irreversible chemical reaction, for instance, an eC mechanism with the rate
constant k (=k;, in Scheme 2). The voltammograms resulting from different values of k at
v=1Vs~! are shown in Fig. 7.
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Figure 7. Simulated (DigiSim) cyclic voltammograms at v =1V s~ for an eC mechanism with
E°=—1.5V and k = 257! (dash), 10s™! (dot), 10°s™! (dash-dot), 10*s~" (dash-dot-dot), 10°s™"
(short dash), and 10%s™' (short dot). corresponding to A = 0.0513, 0.257, 2.57, 2.57 x 10°,
2.57 x 10*, and 2.57 x 10°, respectively. The solid line corresponds to the simple electron transfer
reaction shown in Fig. 3, where also other simulation parameters are given.

Given the value of v, it is seen that both the shape and the position of the voltam-
mogram depend on the magnitude of k. On the other hand, given the value of k, it is
intuitively understood that the effect of the chemical reaction will gradually diminish if the
sweep rate is allowed to increase. In limit, the experiment time is so short that the chemical
reaction does not have the time to manifest itself and, consequently, the voltammogram
observed is just that for the electron transfer reaction, Eq. (1).

The effect of the relative magnitudes of k and v on the position and shape of a
voltammogram is conveniently discussed in terms of the dimensionless parameter A,
defined by Eq. (29) for a reaction following a first-order rate law and by Eq. (30) for a
reaction following a second-order rate law [18-20].

k
A= ﬂ (first-order rate law) (29)
wnF
A= @ (second-order rate law) 30)
vnF

It is convenient also to classify the electrochemical reactions with regard to the
nature of the response. Given the value of v, it is seen from Eqgs. (29)-(30) that increasing
values of k correspond to increasing values of A. Beginning with A = 0, the effect of
increasing values of 4 is initially that the current associated with the oxidation of B during
the backward sweep gradually disappears (see e.g., Fig. 7). The peak potential is, so far,
only little affected. The region of A values, from the point where the effect of the chemical
reaction becomes experimentally detectable to the point where the current for the oxida-
tion of B has totally disappeared, is given by Eq. (31) for the eC mechanism (first-order
rate law) and by Eq. (32) for the RR dimerization (second-order rate law) [20]. Again, the
handy expressions correspond to n = 1 and T = 298 K. In this region the system is under
mixed diffusion and kinetic control. Limits for A relating to other mechanisms, including
the eCe, eCey,. and more complex reaction schemes, have been reported in the literature
[18-20].
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eC mechanism:

0.1l <A <189 or

31)
43vs <k <73.50s7! (
RR dimerization:
037 <A<135 or
(32)

14.50s7! < kC% < 52.5v 57"

At A values higher than those given, for instance, by the upper limits in Egs. (31)-
(32) the shape of the voltammogram is essentially independent of A and an increase in A
just results in displacement of the voltammogram in the positive direction. This is illus-
trated by the voltammograms corresponding to k = 10*, 10® and 10%s™! in Fig. 7. A
stationary state has now been established in solution by mutual compensation of the
chemical reaction of B and the diffusion process, and the system is said to be under purely
kinetic control.

3. Irreversible Follow-Up Reactions, Mixed Diffusion and Kinetic Control (CV and DCYV)

As mentioned earlier, the characteristic features of processes in this category are that E}, is
close to that for the no-reaction case, Eq.(1), and that the peak current ratio —igx/i;fd
varies from approximately unity to zero. The observation of oxidation current for B
during the backward sweep shows that the material conversion is low. By comparison
of the voltammograms for the eC and the eCe, mechanisms in Fig. 8, it is seen that the
second electron transfer reaction in the eCe, mechanism gives rise to only little additional
current, illustrating that only a small fraction of B has been converted to C.

Although the value of E, in this kinetic region is only slightly affected by the
magnitude of A, a careful investigation of the sweep rate dependence of E, may, never-
theless, have diagnostic value, for instance, in the distinction between the RR and the RS
dimerization mechanisms. This is illustrated by Fig. 9, which shows the theoretical curves,
the so-called working curves, for E;, — E° for the two mechanisms together with experi-

1.2
1.0
0.8
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04r
0.2}
0.0
-0.2
0.4 L L L L : '
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T

Figure 8. Simulated (DigiSim) cyclic voltammograms for the eC mechanism (solid) and the eCe;,
mechanism (dot) at v=1Vs™! with E° = —1.5V and k = 45" (A =0.103). For other simulation
parameters, see Fig. 3.
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Figure 9. Working curves for RR (solid) and RS dimerization (dot) mechanisms showing the
predicted variation of E, — E° with log A together with data obtained by LSV for the dimerization
of the 7,12-diphenylbenzol[k]fluoranthene radical cation in benzene/MeCN (1/1); ()
Ch =0.44mM., (A) C; = 1.04mM, and (0]) C; = 2.00mM. (From Ref. 78.)

mental data obtained for the dimerization of 7,12-diphenylbenzo[k]fluoranthene radical
cation [78]. The data clearly indicate that the dimerization is of the RR type.

A common procedure for studying the kinetics of follow-up reactions by CV is to
compare values of —iy*/ i;ed recorded at different sweep rates to the working curve for the
proposed mechanism [13]. However, a problem with this approach is the difficulty already
mentioned in evaluating the baseline for the backward sweep, and therefore CV suffers
from some limitations when used in quantitative work. The development of derivative
cyclic voltammetry (DCV) has changed this situation [9,38,79].

The application of the first derivative of the CV curve was investigated during the
1960s by Perone and coworkers [80,81], but due to difficulties in performing differentiation
using analog electronic equipment the method was not recommended for the measurement
of electrode potentials. It was later found that a commercially available selective amplifier
(model 189 selective amplifier from Princeton Applied Research) could mimic an analog
differentiator [29-32,36,82]. More accurate digital differentiation may be carried out by
using fast Fourier transform methods [83].

The voltammogram shown in Fig. 3 is redrawn in Fig. 10(a), now showing the
current i as a function of the time t. The problem of defining a baseline for the measure-
ment of iy* is illustrated by the two broken lines, a problem that becomes more serious as
Egwiten comes closer to E°. The differentiated curve, di/dt versus t, is shown in Fig. 10(b).
The peaks labeled i and i}, corresponding to the maximum steepness of the voltammo-
gram during the forward and backward sweeps, respectively, reflect the CV peak heights.
Both it and i}, are being measured relative to the zero line. Since the slope of the baseline
for ig", that is, the extension of the reduction wave, is not far from zero where the
measurement is made, it follows that the magnitude of i}, is essentially baseline indepen-
dent. Another advantage of recording the derivative signal is that the effect of the back-
ground current is strongly diminished.

The ratio R} = —ip/if plays the same role in DCV as the ratio —ip" /i{fd in CV. It
should be noticed, however, that —i,/if, in contrast to —ip* /i;ed, does not approach zero
for increasing values of A, but a value close to 0.1. This is related to the fact that the
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Figure 10. The cyclic voltammogram in Fig. 3 shown as (a) the current-time curve and (b) the
differentiated current-time curve.

derivative curve during the backward sweep is not zero, even when the peak due to B has
completely vanished.

The kinetic analysis of a follow-up reaction by DCV involves the recording of Ry at
different v, and the rate constant k (or kyps) is then obtained by fitting the working curve
for the appropriate rate law, usually in the form of Ry versus log A, to these data. An
example is shown in Fig. 11 where the working curve for the RR dimerization mechanism
is fitted to the experimental data for the dimerization of (—)-bornyl cinnamate radical
anions [84]. The rate constant is obtained by matching the two scales, which in the present
case results in k = 5.6 x 10°M~'s7!,

The approach works equally well for reactions taking place after the second electron
transfer, for instance, at the dication [85] or dianion [86] oxidation state.

The rate law necessary for making a mechanism suggestion is conveniently deter-
mined by DCV. The procedure, sometimes referred to as the reaction order approach, is
based on measurements of the sweep rate necessary to maintain a certain constant con-
version of B as a function of C4, and C% if relevant. Usually the sweep rate necessary to
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Figure 11. DCV working curve for the RR dimerization mechanism (bottom scale) together with
experimental data obtained for the dimerization of (—)-bornyl cinnamate radical anion in DMF (top
scale). (From Ref. 84.)

keep R; equal to 0.5 is used. This sweep rate is referred to as v, /2 or vy 5. The reciprocal
value, 1/v) 5. is conceptually related to the half-life time t,,» in conventional kinetics. If the
generalized rate law for the reaction to be investigated is written as Eq. (33), where kg is
defined, for instance, as in Schemes 2 and 3, the relations between v, and the reaction
orders are given by Eqs. (34) and (35), where R g is equal to a 4+ b and Ry is equal to x. It
is seen that R5 (= a) and Ry (= b) are not directly separable, a common feature of all
reversal techniques, where A and B are in thermodynamic equilibrium at the electrode
surface.

Rate = k,u[AP[BIP[X]* (33)

_ d(log Vi )
= e ) o
_ d(logvy)) (35)

7 d(log C¥)

Usually, the data treatment includes that values of log vy, are plotted against log Cx.,
or log C% , which, for a simple rate law such as Eq. (33), results in a straight line with the
slope Ry/g — 1 or Rx. Data obtained for the protonation of the anthracene radical anion
by phenol in dimethyl sulfoxide (DMSO) [87] are shown in Fig. 12 as an example. The
slope of the regression line in this case is 1.06, indicating that the rate law is first order in
the concentration of phenol.

Once the rate law is known, the value of k (or k,ps) may in principle be obtained
directly from vy, as illustrated by the relations given in Eq. (36) for the eC mechanism
(first-order rate law) and Eq. (37) for the RR dimerization (second-order rate law), in both
cases for E° — Eg,cn = 0.3V [88]. Relations for other mechanisms may be found in the
literature [88].
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Figure 12. Data for logv,,; as a function of log(Cf;s/mM) obtained by DCV for the protonation
of the anthracene radical anion by phenol (HB) in DMSO. (From Ref. 87.)

eC mechanism:

. Ul/an 1 3
k =0.078 RT s (36)
RR dimerization:
_ vipnF o
k= 0'117C1§RT M™'s 37

However, in general it is recommended that the full working curve be used for determina-
tion of the rate constant in view of the larger number of data points included. This
approach also offers the additional benefit that the validity of the mechanism hypothesis
is tested by the goodness of the fit for each determination. This is particularly important in
cases such as those where changes in the substrate substitution pattern or in the experi-
mental conditions may result in a change in the mechanism or, for complex reaction
schemes, in a change in the rate-determining step (see also Sec. II.C.5).

The kinetic window for CV and DCV may be derived from the limits for A given for
example in Eq. (31)—(32). Assuming that the applicable range of useful v values is 0.1 to
500 Vs~ the limits translates approximately to Egs. (38) and (39).

e¢C mechanism:

04s7! <k <4x10%s7! (38)
RR dimerization:

1557 <kCi <3 x10*s™! (39)

Typical examples of the application of DCV for kinetic and mechanistic studies
include the cleavage of the carbon—halogen bond in the radical anions of aromatic halides
[89], the protonation of radical anions [87,90-92], and the dimerization of radical ions [84].

4. Irreversible Follow-Up Reactions, Purely Kinetic Control (LSV)

The characteristic feature of the voltammogram in this region of A values is the absence of
a peak during the backward sweep, which for the same reason is not included in the data
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analysis (LSV). The position of the voltammogram, as measured by E,,. is displaced in the
positive direction relative to that for the no-reaction case, Eq. (1), and depends markedly
on the value of A. In contrast, the shape of the voltammogram, as measured by E, — E;»,
is nearly constant and independent of . However, E, — E;» depends on the mechanism,
which is of diagnostic value (discussed later). It is appropriate to mention at this place that
processes belonging to this category are often referred to as irreversible. This may be
confusing, since the term irreversible in this case refers to the effect of an irreversible
chemical reaction on the total process and not just to the electron transfer reaction.
Common to the two types of irreversible processes is, however, the absence of an oxidation
peak owing to B in the potential region where the reduction of A takes place.

The lack of an oxidation peak for B indicates a high material conversion, which can
also be seen by comparison of the voltammograms for the eC and eCe;, mechanisms in Fig.
13. In contrast to the voltammograms in Fig. 8, it is seen that i, for the eCe;, mechanism
now is close to being twice that for the eC mechanism, illustrating that the conversion of B
to C has proceeded almost to completion.

LSV is a powerful tool for the study of processes under purely kinetic control.
Theoretical analyses of the response for various mechanisms have been carried out
[13,15-26], and a series of papers [36,72,79,93] has been devoted to assimilating the the-
oretical results in a form useful to the experimentalist. For the general rate law, Eq. (33),
the dependence of E, on changes in logv, log C4 . and log Cx , respectively, is linear with
the slopes given by Eqs. (40)-(42), where a, b, and x are the reaction orders.

dE, 1 RT
- S 4
diogy) = brinF M0 (40)
dE,  a+b—IRT
- = 41
d(log C%) b+1 nF In 10 1)
E
dEy x RT10 (42)

d(logCy) b+ 1nF

E(V)

Figure 13. Simulated (DigiSim) cyclic voltammograms for the eC mechanism (solid) and the eCey,
mechanism (dot) at v =1V s~ with E° = —1.5Vand k = 10%s7! (A = 2.57 x 10"%). For other simu-
lation parameters, see Fig. 3.
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Introduction of the reaction orders for, for instance, the eC mechanism under pseudo
first-order conditions (a =0, b =1, and x = 1) results in dE,/d(logv) = —29.6mV, dE,/
d(logc}) = 0mV, and dE,/d(logCx) =29.6mV at n=1 and T = 298 K.

Important also is the shape of the voltammogram represented by the value of
E, —E,/,. The limiting values for the eC and RR dimerization mechanisms are given in
Eqgs. (43)—(44), where, again, the values given in mV refer to T = 298 K. Values of E, —
E, /> for other mechanisms are available in the literature [18-20].

e¢C mechanism

47.8
E,—E,»=-1. 86~—F~ V= - mV (43)
RR dimerization:
38.8
E,—E,, =—151--V_—T mV (44)

When E° for the initial electron transfer reaction is known, the measurement of E,
gives access directly to the rate constant k. Examples of the relationship between E, — E°
and k are given by Eqgs. (45) and (46) [20], where Eq. (46) refers to rate law (vi) in Scheme
3; that is, the stoichiometric coefficient 2 is not included in the rate constant.

eC mechanism:

kRT RT
_E° = 1 -~
E,-E ( —0.738 +31n F) X (nF) \' (45)
RR dimerization:
4kCLRT RT
_F° ={ — 1 —A -
E,—-E ( 0.902 +3In 3onF ) X (nF) v (46)

It is easily seen that the application of equations such as Eqgs. (45) and (46) requires
data for E, — E° of high precision. For example, for the RR dimerization mechanism a
change in k by a factor of 10 corresponds only to a change in E, of 19.7mV (at
= 298 K). Taking into account that both the precision and the accuracy of literature
values for E° may not be better than +10mV, it is strongly recommended that the value of
E° to be used is the result of a measurement made in conjunction with the E, measure-
ments. Since, by definition, the value of A is rather large for Egs. (45) and (46) to apply, it
follows that large sweep rates are required to outrun the chemical reaction. This is con-
veniently achieved by using ultramicroelectrodes for the measurements [94,95] (see Sec.
ITT). Reliable E° data may also be predicted from data obtained by nuclear magnetic
resonance (NMR) spectroscopy [96].
Although LSV is experimentally easy to use, the technique should be used with care.
The major concern is to make sure that the electron transfer reaction is reversible and that
the process under investigation is indeed under purely kinetic control in the range of v and
concentrations employed. If increasing sweep rates bring the electron transfer into the
quasi-reversible region (discussed later), the values of, for instance, dE,/d(logv) will be
larger than predicted for the reversible case [20,97], and if the follow-up reaction is
brought into the region of mixed kinetic and diffusion control, dE,/\d(logv) will be
smaller than predicted [20,98]. This may lead to a wrong mechanism assignment.
However, in both cases the E;, — E,» will be larger than predicted, and this therefore
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serves as an excellent diagnostic tool for probing whether the reaction being studied does
indeed confine to the purely kinetic conditions as defined earlier.

Another problem may arise in the study of processes of the type where B reacts with
an added reagent X. In that case, the kinetic measurements are often carried out under
pseudo first-order conditions—that is, at Cx/Cj > 1—and values of dE,/d(log C%) are
obtained by carrying out a series of E, measurements at increasing values of Cx . If now
the ratio Cx/Cj at the lowest concentration of C% is not sufficiently large, the consump-
tion of X cannot be neglected and, accordingly, the rate of the chemical reaction is “too
low.” The problem gradually disappears with increasing values of Cx and the overall effect
is that the increase in the reaction rate with increasing C% becomes “too large” and,
accordingly, the resulting value of dE,/d(log Cx) becomes “too large” as well [98]. This
may lead to the erroneous interpretation that the reaction order in X is larger than one.

Illustrations of the application of LSV for studies of reactions under purely kinetic
conditions include the oxidation of 9-substituted fluorenide ions [99] and the reduction of
2,6-diphenylpyrylium ions [100], in both cases leading to the neutral radical, which
dimerizes in an RR-type reaction, the oxidation of 1,4-dithiafulvenes into tetrathiafulva-
lenes [101], the oxidative ring opening of arylcyclopropanes [102], the reduction of fluoro-
alkoxyarenes in liquid ammonia [103], and the competition between protonation and
dimerization during the reduction of cinnamic acid esters in MeOH [104].

5. Reversible Follow-Up Reactions

Let us now consider a reversible electron transfer reaction followed by a reversible
chemical reaction. Typical examples, including the reaction of B with a reagent X (ii),
here with p equivalents, and the reversible dimerization (iii), are shown in Scheme 4.

Mechanisms including reversible follow-up reactions

A+e” T/ B (B9 (&)}
o [ ..
B+pX—= C (Ku = [B][X]p) (ii)
2B —_—cC (Km=[~c—]2—) (iii)
[B]
Scheme 4

If the chemical reaction responds instantaneously to changes in the concentration of
B or C, it is adequately described by the magnitude of the equilibrium constant K, which
means that the total system is reversible. For reaction (ii), the resulting voltammogram,
shown in Fig. 14(a) for p = 1 and C%/Ca = 100, has the same shape as that in Fig. 3, but
is displaced on the voltage axis according to Eq. (47), where K corresponds to K;; in
Scheme 4. It is seen that E; changes by 59.1mV (at T = 298 K) in the positive direction
for a 10-fold increase in K for K > 1. [See for example the voltammograms shown in Fig.
14(a) for K = 100 and 1000.] It follows from Egs. (47) and (10) that the difference in peak
potentials A(E,, for (i)—(ii) and (i) is given by Eq. (48) [105]. The relation between E, — E°
and K;;, for the dimerization reaction (iii) is more complex owing to the presence of the
second-order term [B]* in the expression for K,;. The reader is referred to the original
literature [106] for details.
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Figure 14. (a) Simulated (DigiSim) cyclic voltammograms for a reversible one-electron reduction
followed by a reversible chemical reaction (Scheme 4) with E®°=—1.5V, Ci =I1mM,
C% = 100mM, and K = 10 (dash), 100 (dot), and 1000 (dash-dot). The solid line corresponds to
the simple electron transfer reaction shown in Fig. 3, where other simulation parameters are also
given. (b) Experimental cyclic voltammograms for the reduction of 2,5-dimethoxy-1,4-benzoquinone
(DMOBQ) in benzonitrile containing BuyNPFg (0.1 M) and different concentrations of ethanol.
(From Ref. 108.)

_po__q1 R RT %P
Ep — E° =~ L1l —+——In{l + K(C%)’] @7
RT
AE, = ﬁ1n[1 + K(C%)?] (48)

Reversible reactions of the type (ii) in Scheme 4 are typically observed for radical
anions with X being a cation (formation of ion pairs) [107] or a hydroxylic compound such
as water or an alcohol (formation of hydrogen-bond complexes) [107,108]. An example of
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the latter is shown in Fig. 14(b), where also the (larger) effect on the second redox couple is
shown. Usually, the product K(C%)P is much larger than unity and consequently a plot of
E, versus log Cx should yield a straight line from the slope of which the stoichiometric
number p may be obtained. Deviations from the linear dependence of E, on log Ck are
observed in some cases at high concentrations of X, which may be attributed to the
formation of higher associates. Attention should also be brought to a series of papers
in which reduction processes including reversible proton transfer reactions (Scheme 5) are
thoroughly discussed [109].

A+ne+mH" — B

Scheme 5

Reversible dimerizations are observed less frequently, since often the reactions are
not fast enough to be treated as thermodynamic equilibria. Examples are the dimerization
of the radical cations of thianthrenes [110] and thiophene derivatives [111].

Let us now reexamine the dimerization mechanisms shown in Scheme 3 in a little
more detail. The rate-determining steps, (ii) and (iii), in that scheme are both formulated
as being irreversible. This, however, is not meant to imply that the dimerization of B, or
the coupling of A and B, are irreversible processes by nature. In fact, the only well-
documented example of an inherently irreversible reaction of this type is (ii) when B is
a neutral free radical. More often, for instance when B is a radical ion, the chemical
reactions (i) and (iii) in which the intermediates C and I are produced, are reversible
and the observed irreversibility is a kinetic phenomenon caused by the further reactions
of C and 1. Thus, a more natural starting point for the discussion would be the general
situation in which both the forward and the backward reactions are considered for all
steps except the last one. This is shown in Scheme 6.

Mechanisms including reversible dimerization:

A+ee — B @
2B ‘—k c (Ku = ku/k—u) (ll)
=i
klll, e
A+B -~ I (Km = km/k—m) (111)
k"lll
le .
B+1 —‘T A+C (K, =ky/k_) (iv)
=
kV
C+X —> D ")
Mechanism  Assumption Observed rate law Kobs
RR k[X]>>k_,  —d[BYdi=ky B 2k, (vi)
RR k_,>>kJ[X] —d[Bldt=ky[BPX] 2Kk, (vii)
RS k. [Bl>>k_, —d[Bldt=ky AlB] 2k, (vii)
RS k., >>k,[B] —d[BVdt=kyJAIBP 2K,k, (ix)

Scheme 6
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It is convenient first to examine briefly the RS dimerization mechanism. Usually, the
intermediate I is more easy to reduce than A (or to oxidize, when B is a radical cation),
which means that the equilibrium constant K,, for the homogeneous electron transfer step
(iv) is large. Also, the rate constant for this type of process is usually large. This allows for
the application of the steady-state approximation for the intermediate I; that is, it is
assumed that d[I]/dt = 0. The general rate law resulting for B degenerates to either of
two limiting cases depending on the relative magnitudes of k_;; and k;,[B]. When k;,[B]
> k_j;, the intermediate I reacts almost exclusively by reaction (iv) and forward reaction
(iii) becomes rate-determining. The resulting rate law (viii) is the same as rate law (vii) in
Scheme 3. On the other hand, when k_j; > k[B], reaction (iii) behaves as a thermody-
namic equilibrium prior to the rate-determining reaction (iv) resulting in rate law (ix). It is
seen that under conditions where rate law (viii) applies, the reaction order Ra g is equal to
2, whereas rate law (ix) corresponds to R4 g equal to 3. Thus, ideally it would be possible
to distinguish between the two limiting cases by a DCV reaction order analysis carried out
as described earlier.

Next, let us examine the situation where the reversible RR dimerization (ii) results in
a dimer C that is stable on the time scale of the voltammetric experiment. The voltammo-
grams that ideally may be obtained in the different kinetic regimes are shown in Fig. 15(a).
At low sweep rates (full line), reaction (ii) behaves like a thermodynamic equilibrium and
the response observed is close to that shown in Fig. 14(a). At intermediate sweep rates the
dissociation of C is too slow to allow for the observation of oxidation current for B, and at
high sweep rates it is possible even to outrun forward reaction (ii) and the response is
essentially that for a reversible electron transfer process.

For radical cations this situation is typically observed when deprotonation of the
dimer dication is slow and for radical anions under conditions that are free from electro-
philes, for example, acids, that otherwise would react with the dimer dianion. Most often,
this type of process has been observed for radical anions derived from aromatic hydro-
carbons carrying a substituent that is strongly electron withdrawing, most notably and
well documented for 9-substituted anthracenes [112,113] (see also Chapter 21). Examples
from the radical cation chemistry include the dimerization of the 1,5-dithiacyclooctane
radical cations [114] and of the radical cations derived from a number of conjugated
polyenes [115,116].

The kinetics (k, and k_,,) and thermodynamics (K;;) of such reactions are conveni-
ently studied by CV or DCV. Working curves for CV are shown in Fig. 15(b) for different
values of K, together with the experimental points obtained for the oxidation of conju-
gated polyenes, such as the all-frans-1,10-diphenyl-3.8-dimethyldecapentaene [115]. In
going from right to left, corresponding to increasing values of A, it is seen that the
value of —i{fd/ig" initially decreases until a minimum is reached. In this kinetic region
the reaction is essentially controlled by the rate of the dimerization. The rising part of the
working curve observed after the minimum illustrates the increasing kinetic importance of
the dissociation of C to B. In the limit A = oo, corresponding to an infinitely large value of
ki, and/or an infinitely small value of v, the chemical reaction responds as a thermody-
namic equilibrium.

We now introduce the situation where the dimer C undergoes a subsequent che-
mical reaction (v). The corresponding working curves, in this case for DCV, are shown
in Fig. 16 for two values of K;,Ci (1 and 10) and different values of k,C%/k_,; (shown in
Fig. 16).

The detailed discussion [117] of the curves is beyond the scope of this chapter, but it
is seen that the effect of increasing values of k,C% /k_,,, as intuitively expected, is a gradual
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Figure 15. (a) Simulated (DigiSim) cyclic voltammograms for a reversible one-electron reduction
followed by a reversible RR dimerization reaction (Scheme 6) with E® = —1.5V, Ci = 1 mM,
K,=10°M"" k, =10°M~'s!, and v =0.1 (solid), 30 (dash), and 10,000 (dot) Vs~'. For other
simulation parameters, see Fig. 3. Note that units of iv™/? are used at the y axis to facilitate the
comparison of voltammograms obtained at different sweep rates. (b) Working curves for the rever-
sible RR dimerization mechanism (solid line) and experimental values (M) of —i,rfd/ig" for the
dimerization of the all-zrans-1,10-diphenyl-3,8-dimethyldecapentaene radical cations and related
compounds. The numbers on the curves refer to the value of K,,C} (see Scheme 6). (From Ref. 115.)

transition from the reversible case (k,Cxk/k_; = 0, labeled “rev” in Fig. 16) to the totally
irreversible case (k,Cx/k_, = 00, labeled ““irr”” in Fig. 16). In other words, the reaction of
C gradually changes from dissociation to irreversible conversion to D. The latter situation
corresponds to the limiting case in which the dimerization is kinetically irreversible as
described by rate law (vi) in Scheme 6 [=rate law (vi) in Scheme 3].

An important consequence of the different shapes of the working curves in Fig.
16 is that a reaction order analysis based on Eq. (34) may lead to a value of Ry that
is not related to rate law (33), and hence cannot easily be used for mechanism assign-
ment. An example serves to illustrate this point. Let it be assumed that the reaction
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Figure 16. DCYV working curves for a reversible dimerization followed by an irreversible reaction
for (a) K,Ci =1 and (b) K,C4 = 10 [K,,Ci = KsC(A)° in the figures]. The labels **1,” “0.1,” and
“0.01™ at the working curves refer to the values of k,C%/k_,. The rate constant ks in the figure
corresponds to k,, in Scheme 6 and the constant a is equal to vnF/(RT). (From Ref. 117.)

being studied is described by K,;Ci =1 and k,C%/k_, = 0.1 corresponding to the
working curve labeled 0.1 in Fig. 16(a). It is seen that R} = 0.5 in this case requires
that log[k,CART/(vnF)] equal to approximately 0.2. If now the concentration of sub-
strate is increased by a factor of 10, the appropriate working curve is the one labeled
“0.1" in Fig. 16(b) and it is seen that Ry = 0.5 now requires that log[k; CART/(vnF)] is
equal to approximately —0.8. The two-point value of d(logv,,;)/d(log C}) calculated
from these data is 2.0, which gives Ra,g equal to 3.0 using Eq. (34). This would seem
to be in good agreement with rate law (ix) for the RS mechanism with the electron
transfer (iv) being rate-determining, but not with the RR mechanism with irreversible
dimerization (ii), for which Ra,g is equal to 2. The major origin of the problem is of
course that Ry = 0.5 at the low substrate concentration [Fig. 16(a)] corresponds to the
part of the working curve that is essentially defined by rate law (vii), whereas R} = 0.5
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at the high concentration [Fig. 16(b)] corresponds to the part essentially defined by rate
law (vi). The same type of analysis carried out for k,C%/k_; =0.01 and 1 results in
Ru/s = 4.1, and 2.2 respectively. It is seen that R, g increases with decreasing values of
k,Cx/k_, and that therefore that virtually any value larger than 2 may result when the
analysis is based on Eq. (34). Problems of this kind may be difficult to detect experi-
mentally. For example, for the reaction following the working curves “0.1” it is seen
that the shape of the working curve at the low concentration [Fig. 16(a)] is similar to
that for ““irr” as long as Ry is lower than 0.7, and at the high concentration [Fig. 16(b)]
the same is true as long as Rj is higher than 0.4. Thus, if the data for R} recorded
during a preliminary DCV investigation were all between 0.4 and 0.7, the results would
seem to indicate that the kinetics would be adequately described by a simple rate law
such as that in Eq. (33). The only solution to problems of this kind is to record the full
working curves in all cases and to supply the data obtained by DCV (or DPSCA, see
Sec. IV.A) with data from LSV. An example of the latter approach is the study of the
dimerization of the radical cations derived from a series of 2,5-diaryl-1,4-dithiins [118].

6. Irreversible Follow-Up Reactions, the Prepeak Method

Reactions between B and X may conveniently be studied also under conditions where
Cx%/Ch < 1. In that case the reagent X is consumed during the early parts of the
voltammetric wave giving rise to a prepeak (at Ej ) in front of the main peak (at
Ej main) for the reduction of A, now in a solution that close to the electrode is essentially
free from X [119]. An example of such a voltammogram is shown in Fig. 17(a). The rate
constant may be obtained from the potential difference E, . — E;, main. Which has been
tabulated for a number of reaction mechanisms [119]. This method has been used
extensively in kinetic studies of reactions between radical cations and nucleophiles
[119-122].

Alternatively, the determination of k may be based on measurements of
Ep/4 — Epman. Where the quarter-peak potential Ep 4 is the value of E at i =i, nan/4
[123] [see Fig. 17(a)]. The advantage of this approach is that measurements can be
made even in cases where the prepeak appears only as a shoulder on the main peak,
and where E,, . therefore cannot be determined. The working curve for the eCe;, mechan-
ism is shown in Fig. 17(b) together with experimental data obtained for the protonation of
the anthracene radical anion by benzoic acid. The rate constant resulting from these data
is 2.7 x 105M~'s71[123].

The prepeak method may be used for reactions with second-order rate constants
ranging from approximately 10° M~'s™! to that for a diffusion-controlled reaction.

7. Irreversible Follow-Up Reactions, Redox Catalysis

Common to all the methods discussed earlier is that B is generated at the electrode
surface, that is, by a direct electron exchange between the electrode and the substrate
A. This approach is, however, sometimes hampered by the limitations imposed by the
heterogeneous nature of the electron transfer reaction. For instance, studies of the
kinetics of fast follow-up reactions may be difficult or even impossible owing to
interference from the rate of the heterogeneous electron transfer process. In such
cases. the kinetics of the follow-up reactions may be studied instead by an indirect
method, generally known as redox catalysis [5,124-126]. Another application of redox




124 Hammerich

_04 L 1 L 1
-1.0 -1.2 -1.4 -1.6 -1.8 -2.0
EW)
(a)
log{V s}
-20 -10 0.0 1.0 2.0 30
T T T I
150 -
>
£ s
ey
lﬁ
W
100 —
75+
| | 1 | I 1
00 10 20 30 40 5.0

log(k.Ciig RT/tvnF )

(b)

Figure 17. (a) Simulated (DigiSim) cyclic voltammogram at v = 1 Vs™' for an eC mechanism with
E°=—1.5V,C} = 1mM, C%/Ch = 0.5, and k = 10° M~' 5L, For other simulation parameters, see
Fig. 3. (b) Working curve for the quarter-peak width E,,, — E} 1., (bottom scale) together with
experimental points (top scale) for the protonation of anthracene radical anion (C} =2mM) with
benzoic acid (Cfjg = 1 mM) in DMSO (rate constant k4). (From Ref. 123.)

catalysis is the study of dissociative electron transfer reactions (Scheme 1)
[74,75,127,128].

The principle is illustrated in Scheme 7 for a reaction that in a direct process follows
the eC mechanism.
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Redox catalysis

Ate T—= B Ep 0
P+es T—Q (EIOZ'Q) (i)
klll
Q+A —= P+B (k,) (iii)
k7|”
K, .
B —C (iv)
Scheme 7

The direct process includes the reduction of A to B (i) followed by the irreversible reaction
of B to a product C (iv). If now a compound P, a so-called mediator, that is easier to
reduce than A is added to the solution, the direct reduction of A is replaced by the reaction
sequence (i1)—(ii1). During the homogeneous electron transfer process (iii) the oxidized
form P of the mediator is regenerated. In other words, the reduction of A to B is catalyzed
by the redox couple P/Q. Cyclic voltammograms typical for the catalyzed process are
shown in Fig. 18. The effect of increasing values of k;, is shown in Fig. 18(a) and the
effect of an increasing concentration ratio C /Cp is shown in Fig. 18(b).

The description of the kinetics is simplified considerably by the fact that often the
three rate constants, kj;,, k.;;, and k;, are all large, allowing for the application of the
steady-state approximation for the concentration of B, that is, —d[B]/dt = 0 [124]. The
system is conveniently discussed by introduction of three dimensionless parameters: (1) the
kinetic parameter A, Eq. (49); (2) the competition parameter o, Eq. (50); and (3) the
concentration excess factor y, Eq. (51). In addition, it is convenient to introduce the
catalytic efficiency CAT, Eq. (52). where i, ¢4, is the peak current during LSV observed
for the catalytic system and iy ., is the peak current observed for P in the absence of A [see
Fig. 18(a)]. The product i, ;e then is the maximum possible catalytic current.

i = Eﬂ—cﬁ? (49)
o= kkcp (50)
Y= (é—*g (51)
CAT = 11:—:;/ (52)

Two limiting cases result depending on the magnitude of o. For o >> 1 the kinetics are
controlled by k;;,, that is, by the rate of the homogeneous electron transfer reaction, and
for 0 <« 1 by Kjjik;, . that is the case where the electron transfer reaction may be considered
as a thermodynamic equilibrium prior to the reaction of B. The transition is shown by the
voltammograms in Fig. 18(a) for ¢ varying between 5 x 10? (lower curve for k;, = 10°
M~'s7 ") and 5 x 10~* (upper curve for ki; = 10¥ M~' s71). Under conditions where o > 1
the value of k,;; may be obtained by fitting the appropriate working curve CAT(),,,, y) [124]
to the experimental data. In this kinetic region the value of CAT is proportional to Cj. On
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Figure 18. Simulated (DigiSim) cyclic voltammograms at v=1Vs~' for the catalytic reaction
shown in Scheme 7 with Ejq = —1.5V. C; = 1mM, K,, =5x 107", and (a) k,, = 10°M~'s7",
C4/Cs =4, and k,, =0 (solid), 10* (dash), 10° (dot), 10° (dash-dot). and 10° (dash-dot-dot)
M~ 's7!, and (b) k,, =10°M's7", k, = 10°M~'s7', and C4/Cs =1 (solid), 2 (dash). 5 (dot),
10 (dash-dot). 20 (dash-dot-dot), and 50 (short dash). For other simulation parameters, see Fig.
3. The magnitude of i, ., is shown for k,, = 10°M™'s™".

the other hand, for o « 1, the value of K, k;, may be obtained by fitting the working curve
for CAT(A,,. 0, y) [124]. In this region the value of CAT is independent of C:;. For the
complete characterization of the system the value of k_;;, is needed. This may be obtained
under condition where the system is under mixed control of reactions (iii) and (iv), again
by fitting the appropriate working to the experimental data. Once K,; is known, it is
possible also to determine Ejy from Eq. (53).

RT
(o) - Q i .
EAB = EPQ + oF In Km (53)

Numerous examples of the application of redox catalysis to studies of the kinetics of
the cleavage of the carbon—halogen bond in the radical anions of aromatic halides have
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been reported [125,129]. Other examples include the fragmentation of fert-butyl radicals
from the radical cations of NADH model compounds [130], the reduction of CO, [131],
and the cleavage of the carbon—nitrogen bond in the radical anions of 1,1-dinitroalkanes
[132].

Another application of redox catalysis is the study of dissociative electron transfer
reactions (Scheme 1). The resulting free radical R - may undergo either of two reactions,
coupling with the mediator radical anion (iii) or reduction to R™ (iv) [128] (Scheme 8). The
coupling reaction is usually considered as unwanted since the mediator is irreversibly
consumed in this step. The reaction is, however, synthetically useful [128].

Redox catalysis, reduction of alkyl halides

AT+R-X —= A7 (B D

k
A +RX —» A+R +X~ (i)
] ﬁ, A-K (iif)
AT +Re
N AR (iv)
Scheme 8

The competition between reaction (iii) and (iv) is usually described by the magnitude
of the parameter q given by Eq. (54), which may be determined, for instance, by LSV
[133,134].

k
1

It is seen that q = O for a clean coupling reaction and that q = 1 for a clean electron
transfer reaction. The value of k,, is close to that for a diffusion-controlled process,
whereas the value of k;, increases when Ej,,- moves in the negative direction.
Accordingly, a plot of q versus E 5~ will give rise to an S-shaped curve from which
the potential E‘ll/2 corresponding to q = 0.5 may be determined. Once the value of E‘I‘/2 is
known, the standard potential for the reduction of R - may be determined by application
of the Marcus theory [128].

8. Chemical Reactions Following Quasi-Reversible or Irreversible Electron Transfer
Reactions

Although processes of this kind are often met in practical work, the presentation of the
theoretical data associated with these reactions is beyond the scope of this chapter. The
reader is referred to the original literature for details [20,135]. When studied under purely
kinetic conditions as defined earlier, processes belonging to this category are usually
observed to result in values of E, — E» larger than those given, for instance, in Egs.
(43)~(44). The analysis of the experimental data typically includes the simulation of work-
ing curves that take into account also the effect of k® and «. In spite of the fact that the
description of the system now involves k° and « in addition to the usual kinetic para-
meters, it is often possible to gain information about all the parameters by a strategic
variation of v, Ci, and C%. An illustrative example is the dimerization of 2,5-diaryl-1,4-
dithiin radical cations [118].
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9. General Remarks and Conclusions

The applications of LSV and CV to the study of chemical processes following an electron
transfer reaction are so numerous that a review of the subject is clearly beyond the scope
of this chapter. The examples were selected to demonstrate the application of the tech-
niques in practical work. Although obvious, it should be emphasized that electrochemical
reactions are not different from any other chemical reaction and, therefore, that the whole
arsenal of methods of attack known from conventional kinetics may be used in the
characterization of the process. This includes also temperature [85,120,136-138] and
kinetic isotope effects [138,139].

D. Limiting Experimental Factors

The shape and position of the voltammogram depend not only on the kinetics and ther-
modynamics of the electrochemical reaction, but are affected also by the design of the
voltammetry cell and the potentiostat. Closely related to this is the question of measure-
ment precision.

1. The Cell and the Working Electrode

Two problems may arise at low v. The first of these is related to the assumption that mass
transport is caused by diffusion only. The time t after the voltage sweep has been initiated
the approximate thickness of the diffusion layer § at a planar electrode is given by Eq. (55).

§ = 6,/Dat (55)

When the § becomes larger than a few tenths of a millimeter, natural convection begins to
interfere and the assumption of diffusion as the only means of mass transport is no longer
valid. For typical values of D, (107> cm®s™") this happens when t is of the order of 105,
corresponding to v = 0.2Vs~! for a CV sweep with Ejpuar — Egwien = 1 V. At times larger
than approximately 1 min, or v approximately less than 0.025Vs™', the deviations from
pure diffusion are so pronounced and unpredictable that the measured current cannot be
related to a practical theoretical model. This influence of natural convection at low v may
be reduced by using a properly shielded working electrodes [140] (Fig. 19).

Another problem at low v is the so-called edge effect observed when the thickness of
the diffusion layer at an unshielded working electrode is comparable to its diameter
[141,142]. At the edges the diffusion of material to and from the electrode is not limited
to being linear as illustrated Fig. 20, and it is seen that the deviations becomes progress-
ively larger when the diameter of the electrode becomes smaller until, in the limit, the
transport may be described as hemispherical diffusion. This applies for the so-called
ultramicroelectrodes (see Sec. III). By inspection of Fig. 20 it is easily understood that
mass transport close to the edges is more effective than at the central part of a circular
electrode and, accordingly, the current density (for example in units of mA cm™) increases
when the diameter of the electrode decreases.

The effect of this change in the diffusion pattern on the voltammogram for a revers-
ible electron transfer reaction, Eq. (1), is shown in Fig. 21. It is seen that the gradual
change of the diffusion pattern has a profound influence not only on the magnitude of the
current density, but also on the appearance of the voltammogram, which gradually
changes to the S-shaped curve characteristic for hemispherical diffusion [142]. In the latter
case the diffusion of material away from the electrode is so effective that reverse current
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Figure 19. Schematic of a shielded working electrode. The arrows illustrate the diffusion pattern
below the electrode.

for the reoxidation of B to A cannot be observed, even, as in this case, when B is perfectly
stable in the solution.

At high v the relative positions of the three electrodes need to be optimized and the
size of the working electrode needs to be reduced in order to minimize resistance and
capacitance problems [143]. The quality of the potentiostat, usually reflected by the rise
time, also becomes critical at high v. The two factors are actually not separable since the
electrochemical cell is inherently a part of the total electronic circuit.

2. The Uncompensated Solution Resistance, R,

The R, problem in LSV and CV has received considerable attention [2,144-149]. The
electrode potential during LSV for a sweep in the negative direction is described by Eq.
(56), where i is the current flowing at the time t.

RS NS RS

a b c

Figure 20. Schematic of the diffusion pattern below electrodes with decreasing diameters of the
electrode surface.
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Figure 21. Simulated (DigiSim) cyclic voltammograms for a reversible one-electron reduction with
E° = —1.5V at electrodes with (a) r=0.7mm, (b) r=0.05mm, (¢) r=0.0lmm, and (d)
r = 0.001 mm. Note that the y axis displays the current density (in mA em™?) in order to facilitate
the comparison of voltammograms obtained at different surface radii. For other simulation para-
meters, see Fig. 3.

Emeasured = Elmlial —vt+ 1I{u (56)

This equation suggests that the real electrode potential E.., can be determined only
under conditions where the last term vanishes. Thus, the problem is to correct
Emeasured for the contribution of iR,. This is normally accomplished by a positive feed-
back circuit incorporated in the potentiostat, which adds a fraction of the current
follower output to the voltage provided by the function generator. If the feedback
resistance Ry is exactly equal to R, the iR, term in Eq. (56) is compensated for and
Eineasured 18 €qual to Eiea. The problem then is the selection of the value of Ry. Although
this can be accomplished by direct measurement of R, and other procedures [2,144], a
simpler procedure is desirable for the level of sophistication of most electrochemical
studies. Such a simple and convenient method is to adjust the feedback circuit until
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the output of the current follower goes into oscillation and then to back off slightly
[149]. This method is quite effective for electrodes with diameters less than 2mm as long
as v is not larger than about 100 Vs™

3. The Importance of Precision in Potential Measurements

The precision of E, required for comparison with literature values is of the order of
+5mV. This can easily be accomplished by using XY recorders with scale expansion or
commercial computer software.

In other cases, including LSV analysis (see Sec. I1.C.4) and studies of the effect of
small structural changes such as deuterium isotope effects, the required precision is
+0.5~-1mV or better. This can easily be appreciated by considering that the theoretical
values of, for instance, dE,/d(logv) in LSV, Eq. (40), differ by only 10mV for first- and
second-order follow-up reactions. Similarly, it has been found that 2,7-d>-pyrene is only
1.5+ 0.2mV more difficult to reduce than pyrene itself [150]. Such a high precision
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requires highly stable reference electrodes and advanced data treatment, including aver-
aging of measurements, baseline corrections, and sophisticated peak fitting routines.

Another approach involves the application of derivative linear sweep voltammetry
or DCV [Fig. 10(b)]. These techniques allow a precision of the order of £0.2mV to be
realized during peak potential measurements [29-31,36]. The feature giving the high pre-
cision is that the peak potential is measured at the point where the steeply descending first
derivative crosses zero.

E. Computer-Based Methods for Analysis of Voltammetric Data

Most electrochemical studies carried out today make use of online computers for control
of experiments and for data acquisition and analysis, including the techniques described
earlier. Examples of the application of computer evaluation of experimental results
include, for instance, pattern recognition [151] and the recording of current-time profiles
of the form A(Ini)/A(Int) versus t for mechanistic classification [152] as well as nonlinear
regression techniques [153—155]. Efforts have also been made to use knowledge-based
systems for the elucidation of reaction mechanisms [156].

The advances in computer technology have, in more general terms, stimulated the
development of techniques that use more than just a few data points, such as E;, E;», and
ip, along the voltammetric wave. This would at first glance seem to be an advantage.
However, it should be kept in mind that the problems originating from, for instance,
background currents and improper adjustments of the electronic equipment remain, and
it requires some skill to incorporate parameters, for instance, for the uncompensated elec-
trical solution resistance (discussed earlier) and the double-layer capacity (see Chapter 1) in
the data treatment. The opinion of the author of this chapter is that trends in the kinetic
data and their origin are often easier to locate when a more classical approach to the data
analysis is taken, but admittedly, this opinion may just reflect a lack of experience. It should
be mentioned here also that the commercial software package DigiSim offers the possibility
to fit simulated voltammograms directly to experimental ones.

Most of the more advanced techniques have only rarely been used outside the
laboratories where they have been developed, and for that reason it is not easy to give
recommendations. Examples include normalized sweep voltammetry [34,35,157,158], lin-
ear current-potential analysis [33], and the so-called global analysis and related techniques
[159-161]. However, one such technique, convolution potential sweep voltammetry, has
gained some popularity, and is introduced briefly here.

1. Semi-Integration and Convolution Techniques

The essential feature of these methods is that semi-integration [162—167] or calculation of
the convolution integrals, Eq. (57) [147,168—174], results in the transformation of the
voltammogram into what has been called a neopolarogram. Experimentally, the convolu-
tion integral may be evaluated by using the Riemann-Liouville algorithm, Eq. (58). (See
also Ref. 1.) The resulting curve is given by Eq. (59), where I is defined in Eq. (60).
1 J b i(u)

—— _ du
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o A 1/2§|i ) jl[ t 172 t 12
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Logarithmic analyses can be carried out on the neopolarogram in much the same
way as with classical polarography (see Sec. V). Examples that illustrate the application of
the convolution technique include reversible dimerization of radical cations [114], the
study of dissociative electron transfer reactions [175,176], and investigations of the poss-
ible potential dependence of the transfer coefficient o [174,177].

lll. ULTRAMICROELECTRODES AND SCANNING ELECTROCHEMICAL
MICROSCOPY

A. Ultramicroelectrodes

The definition of ultramicroelectrodes is somewhat arbitrary and with reference to the
common disk geometry is currently meant to describe electrodes with diameters of about
10 um or less [125,143,178]. The electrochemical response at ultramicroelectrodes can be
classified into two categories depending on the value of v.

At low v, the transport to and from an ultramicroelectrode is best described as
hemispherical diffusion, which results in a faradaic current that greatly exceeds that
expected for linear diffusion [142,179] (see Sec. II.D.1. and Fig. 21). An important feature
of the voltammogram shown in Fig. 21(d) is the absence of a peak. Instead, the current
reaches a plateau indicating that a steady-state has been obtained. The steady-state current
for an ultramicroelectrode inserted in a large insulating shaft [Fig. 20(c)] is given by Eq.
(61), where r is the radius of the electrode surface [180]. The effective transport resulting
from hemispherical diffusion also results in an electrode system that is relatively insensitive
to natural convection.

i=4nFrD,Ch (61)

The second category of electrode response for an ultramicroelectrode occurs at high
v. Under these conditions, linear diffusion is operative and the response does not differ
from that of conventional electrodes with surface diameters in the 0.1 to 2mm range.
However, the effects of double-layer charging (see Chapter 1) and solution resistance are
considerably reduced owing to the small size of the electrode. The transition from low to
high v is shown in Fig. 22 for an electrode with r = 1 um at v = 0.03, 10, 500, and
100,000 Vs™", respectively.

Although the use of ultramicroelectrodes is not restricted to any specific measure-
ment technique [125,143,178,181], only applications in the context of cyclic voltammetry
at high sweep rates are considered here (see also Sec. IV). For the studies of reaction
kinetics using ultramicroelectrodes under steady-state conditions the reader is referred to
the original literature [182].

1. Determination of E°’ for the A/B Redox Couple When B Is Highly Reactive

The perspective in using very high voltage sweep rates during CV has been demonstrated
by several authors [125,143,183-187]. Historically, it is of interest to notice that Perone in
1966 already used sweep rates up to 50,000 Vs™' [183] in studies of the electron transfer
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Figure 22. Simulated (DigiSim) cyclic voltammograms for a reversible one-electron reduction with
E° = —1.5V at an electrode with r=1um and (a) v=0.03, (b) v=10, (c) v= 1500, and (d)
v = 100,000 Vs~'. For other simulation parameters, see Fig. 3. Note that units of iv™"/* are used
at the y axis to facilitate the comparison of voltammograms obtained at different sweep rates.

rates for inorganic redox couples, and the 1,000,000 Vs™' mark was passed in 1988
[186,187]. Cyclic voltammograms for the reduction of anthracene in MeCN at sweep
rates up to 100,000 Vs™' [185] are illustrated in Fig. 23. It is seen that the contribution
from the double-layer charging current increases relative to the contribution from the
faradaic current with increasing sweep rate. This is because the double-layer charging
current is directly proportional to the sweep rate, whereas the faradaic current only
increases with the square root of the sweep rate [Eq. (13)]. Subtraction of a background
curve obtained in the absence of the substrate may eliminate the problem [188].

An obvious application of high sweep rates is the determination of E° values for A/B
couples where B undergoes a chemical reaction so fast that it cannot to be outrun by the
sweep rates applicable to conventional electrodes [94,100,189]. Once E° is known, the rate
constant may be determined from LSV relations of the type already given, as in Egs.
(45)-(46).
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Figure 22. (Continued)

2. Determination of Heterogeneous Electron Transfer Rate Constant

It follows from the discussion of electron transfer reactions in Sec. IL.B that a reversible
process when studied by CV inevitably passes into the quasi-reversible regime at some
value of v when v is allowed to increase. For k® = 3cms™', a value typical for many
aromatic hydrocarbons, for example [71], it is seen from Eq. (27) that this happens at
approximately v = 170 Vs™'. Thus, studies of electron transfer rates in this region require
voltage sweep rates in the range of 2001000 Vs™'. Ultramicroelectrodes are superb for
this purpose, as demonstrated, for example, in a study of the oxidation of ferrocene [190].
Peak potential separations recorded at sweep rates between 500 and 3000Vs~' at an
electrode with a surface diameter of 10pum over a range of substrate concentrations
resulted in k° equal to 1.10, 1.13, and 1.13cm s~!. A more recent example is the oxidation
of selenanthrene and related compounds [191].

3. Kinetics of Rapid Follow-Up Reactions

Ultramicroelectrodes are excellent tools also for the study of the kinetics of fast follow-up
reactions, provided that the high sweep rates needed do not bring the electron transfer
process into the quasi-reversible region. Thus, a reaction that during a study with con-
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Figure 23. Cyclic voltammograms for the reduction of anthracene (2.22 mM) in MeCN containing
EtyNC1O, (0.6 M) at a gold electrode with r = 6.5um and (a) v = 1000, (b) v = 2000, (c) v = 5000,
(d) v = 10,000, () v = 20,000, (f) v = 50,000, and (g) v= 100,000 Vs~'. (From Ref. 185.)

ventional electrodes is under purely kinetic conditions may at high sweep rates be studied
under mixed diffusion and kinetic control using the approach described in Sec. II.C.3.

An early example of this approach is the study of the interconversion of the “A” and
“B™ form of bianthrone [192]. The stable isomer at ambient temperature is the yellow “A”
form, which is equilibrated with the green “B” form as the temperature is increased.
Reduction of “A™ produces “A ~ > which rapidly undergoes a conformation change to
the “B”-like radical anion. The formal potentials for the two forms differ by about 230 mV
for the isomers of 1,1’-dimethylbianthrone in dimethylformamide (DMF) at 361 K. The
rate constant for the conversion of “B” to “A” could be determined to be equal to 500 s~
under these conditions by comparing experimental cyclic voltammograms obtained at 200,
500, 1000, and 5000 Vs, using 5-um Pt disk electrodes, to theoretical voltammograms
obtained by digital simulation. Other examples include studies of the cleavage of the
carbon-halogen bond in the radical anions of aromatic halides [187,193] and the RR
dimerizations of the N,N-dimethylaniline radical cation [194] and diphenylamine radical
cation [195].

B. The Application of Scanning Electrochemical Microscopy for Studies of
Reaction Kinetics

Scanning electrochemical microscopy (SECM) [196] is a member of the growing family of
scanning probe techniques. In SECM the tip serves as an ultramicroelectrode at which, for
instance, a radical ion may be generated at very short distances from the counterelectrode
under steady-state conditions. The use of SECM for the study of the kinetics of chemical
reactions following the electron transfer at an electrode [196] involves the SECM in the so-
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called feedback mode [197], where the counterelectrode serves to collect the primary
electrode intermediate generated at the ultramicroelectrode (Fig. 24). At sufficiently
small distances between the ultramicroelectrode tip and the counterelectrode, the time
of diffusion from the tip to the counterelectrode is of the same order as the lifetime of
the intermediate, which makes possible the detection of the intermediate at the counter-
electrode. The upper limit for first-order rate constants is close to 10%! and for second-
order rate constants 103-10° M~! s™! [198]. The relationship between the distance and the
kinetics of the follow-up reaction is expressed by the dimensionless parameter K, [Egs.
(62)—(63)], where k is the rate constant of the chemical reaction, r is the radius of the tip,
and d is the distance between the tip and the counterelectrode:

kd’®
K =—— (first-order rate law) (62)
rDA
* 13
K= kCAd (second-order rate law) (63)
I'DA

At very short distances, depending on the rate of the chemical reaction, essentially all
B generated at the tip is detected by the counterelectrode. When the distance gradually is
made larger, an increasing fraction of B reacts to products until, in the limit, no B is
detected at the counterelectrode. By plotting the ratio between the current at the counter-
electrode i. and the tip current i, —i./i;, as a function of the distance, information about
the kinetics of the follow-up reaction can be obtained by fitting the data to the appropriate
working curve —i./i; versus log K (Fig. 25). Thus, the parameter —i./i; plays a role equiva-
lent to that, for instance, of the collection efficiency in rotating ring-disk electrode vol-
tammetry (Sec. VI). The distance between the tip and the counterelectrode is determined
by a calibration procedure including the recording of —i./i; for a reversible redox couple
for which B is stable and fitting the data to a working curve [200].

Tip of ultramicroelectrode

XXX

A B —L— products

e

OO O OO OO OO OO
Counter electrode

Figure 24. The principle of the application of scanning electrochemical microscopy for studies of
reaction kinetics.
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Figure 25. SECM working curve for the RR dimerization mechanism together with experimental
points obtained for the oxidation of frans-anethole. The ratio I/I; at the figure corresponds to —i./i;
in the text and K is defined in Eq. (63). (From Ref. 199).

An advantage of SECM is that it is a steady-state technique that does not require the
measurements of transient currents. The technique also offers the same advantage as, for
instance, double potential-step chronoamperometry (Sec. IV.A) in that the potential of the
tip electrode can be made sufficiently negative that the heterogeneous electron transfer
proceeds at the diffusion-controlled rate.

An example of the application is the oxidation of trans-anethole [trans-1-(4-
methoxyphenyl)propene], the radical cation of which by LSV was found to undergo
rapid RR dimerization (through C-2). The rate constant measured by SECM is as high
as 4 x 10* M~! s7! [199]. The fit of the experimental data to the working curve is shown in
Fig. 25. The SECM technique has also been used to determine the rate constant for the
dimerization of the radical anions of acrylonitrile, the prototype example of electrohydro-
dimerization (Chapter 21). The value of k was found to be 6 x 10’ M~ s™! [201].

IV. POTENTIAL-STEP AND CURRENT-STEP METHODS
A. Chronoamperometry and Double Potential-Step Chronoamperometry

When the potential of a planar electrode is suddenly shifted from a value at which no
current flows to a value where the electron transfer, Eq. (1), proceeds at the diffusion-
controlled rate, the current-time behavior is given by Eq. (64), where i. is the double layer
charging current [1,2].

. nFACiDY?
= o
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When conventional electrodes with diameters between 0.1 and 2mm are used, the latter
quantity has usually decayed to zero after 0.5ms or less and may be neglected in experi-
ments lasting 1 ms or more. This decay time is reduced to the microsecond time regime
when ultramicroelectrodes are used [94,125,202]. According to Eq. (64), which for i, = 0 is
known as the Cottrell equation, the current approaches zero when the time approaches
infinity. However, undisturbed linear diffusion can be maintained only over rather short
time intervals unless special precautions are taken (see Sec. I1.D.1), and the measurements
of current-time curves, called chronoamperometry (CA), are often complicated by addi-
tional modes of transport. Therefore, the use of properly shielded electrodes [140] should
be considered in chronoamperometric experiments exceeding approximately 1s. The
mathematical formalism for chronoamperometry has been developed also for the applica-
tion of ultramicroelectrodes [203].

The application of CA for monitoring the progress of chemical reactions following
the heterogeneous electron transfer is limited by the nature of the process. As it appears
from Eq. (64), the only parameter that may be affected by a tollow-up reaction is n. Thus,
important mechanisms such as the eC (Scheme 2) and eC(dim) (Scheme 3) cannot be
characterized by this type of experiment. However, it has been demonstrated that if the
potential is shifted to values insufficient for diffusion-controlled electron transfer, rate
constants, for instance for the eC mechanism, may be determined [204]. Working curves
have been calculated relating the apparent number of electrons exchanged n,pp/n, given by
Eq. (65), to the dimensionless parameter log(kt), where k is the first-order or pseudo first-
order rate constant for the chemical step.

172
Napp ol
s (65)
it control

An example of the application of the technique is a study of the kinetics of the
benzidine rearrangement, which follows the reduction of azobenzene in acidic aqueous
ethanol [205]. The approach has been further developed and extended to encompass the
automatic recording of three-dimensional i-E-t curves [206]. However, experiments of this
kind may be hard to perform with high precision because of difficulties in the accurate
control of the potential in the region close to E°.

If, during the chemical step, a product is formed that undergoes further electron
transfer at the applied potential, as for example in the eCe and eCe,-type mechanisms
(Scheme 2), or if the electroactive substrate is regenerated in a catalytic process (Scheme
7), the value of n,p,/n depends on k even under conditions in which the heterogeneous
electron transfer is diffusion controlled [68,133]. It is easily understood that n,p,/n
approaches unity when k decreases toward zero, and a higher value, depending on the
mechanism, when k increases.

The competition between heterogeneous electron transfer (eCe) and electron transfer
in solution (eCey,) in the second e step (Scheme 2) and the possibility of distinguishing
between these two pathways have been analyzed in detail [207,208)]. It was concluded that
the eCe;, pathway dominates over the eCe pathway unless the measurement time is kept
below approximately 10’ s. The application of chronoamperometry to determine the rate
constants in more complicated reaction schemes, such as, for example, the eCeCe-type
mechanism, has been addressed as well [209].

An important extension of CA, double potential-step chronoamperometry
(DPSCA), involves a second potential step to a potential at which B is converted back
to A at the diffusion-controlled rate [1,2,210,211]. The potential-time program and the
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current-time curve are illustrated in Fig. 26. The current is measured twice, the first time at
t = t; (i) and the second time usually at t = 2t; (i,). For a simple electron transfer reac-
tion, the ratio —i /iy is independent of t; and has the value 0.2928. However, if a chemical
reaction is associated with the electron transfer reaction, the ratio —i /i depends on tz.
Working curves based on analytical solutions of the diffusion-kinetics equations have been
presented for simple mechanisms [212]. More generally, the working curves may be cal-
culated by digital simulation and are usually presented as the normalized current ratio
R; = —iy/(ir - 0.2928) as a function of log(kty) (first-order rate law) or log(kCAi ty) (second-
order rate law) (Fig. 27). The value of k (or k,ps) may be determined by fitting the working
curve to the experimental data as demonstrated in Fig. 27 for the protonation of anthra-
cene radical anion by phenol.

Alternatively, the rate constant may also be determined directly from the measured
value of t;,, that is the value of t required to obtain R; = 0.5, [Egs. (66) and (67)], in a
fashion analogous to that described for DCV [see Eqgs. (36) and (37)].

eC mechanism:

0.406 _
kobs = t S : (66)
1/2
RR dimerization:
_0.830 1 -1
k()bs = m M S (67)

The approximate kinetic window of DPSCA at electrodes with a diameter in the 0.1—
2 mm range is given by Eq. (68), where k is a first-order or pseudo first-order rate constant:

03 s <k <300s! (68)

With the application of ultramicroelectrodes the upper limit can be extended considerably
[202].

Double potential-step chronoamperometry offers two attractive features, at least.
First, since the method includes potential steps to E values at which the heterogeneous
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Figure 26. Double potential-step chronoamperometry; potential-time program for a potential-
step from 0 to —1V (dotted line and left-hand scale) and current-time curve (solid line and right-
hand scale).
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Figure 27. Double potential-step chronoamperometry working curve (top scale) for the eCey,
mechanism (solid line) and experimental data (bottom scale) for the protonation of the anthracene
radical anion by phenol in DMF (0.1M BuyNBF,;). Ci = 1mM and Cp,on/mM = 9.95(+),
18.2 (1), 40.0 (o), 78.8 (x), 100 (). and 200 (*). R in the figure corresponds to R; in this chapter
and A = kth;hOH. (From Ref. 213)

electron transfer is diffusion controlled, experiments may be performed with the iR com-
pensation circuit of the potentiostat switched off. Second, the perturbation of the reaction
layer is very small, which means that even a small excess of reagent relative to substrate
ensures pseudo first-order conditions [90]. A disadvantage is that DPSCA is a “‘blind”
technique, and current caused by, for example, long-lived intermediates may erroneously
be attributed to regeneration of substrate. In such cases, it may be advantageous to use
triple potential-step chronoamperometry [214], in which the current flowing after the third
potential step reflects whether starting material has indeed been formed after the second
step. In general, potential-step techniques should only be used together with a potential-
sweep technique, such as CV.

Examples illustrating the application of DPSCA include the cleavage of the carbon—
halogen bond in radical anions derived from aromatic compounds [215], the protonation
of radical anions derived from aromatic hydrocarbons [90,213,216], the dimerization of
radical anions [112,113,217], radical cations [218], and neutral radicals [219], and the
conversion of the “B form” to the **A form” for 10,10’-dimethyl-9,9’-biacridylidene [220].

B. Chronocoulometry and Double Potential-Step Chronocoulometry

A method analogous to CA is chronocoulometry, by which the charge Q instead of the
current is monitored as a function of time [1,2,221]. The method has found less widespread
use than chronoamperometry in organic electrochemistry, but offers certain advantages
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when, for instance, an electroactive reactant is adsorbed at the electrode surface [221-225].
Integration of Eq. (64) with respect to time results in Eq. (69), which illustrates that a plot
of Q versus t'/? results in a straight line with the intercept Q,, that is, the charge flowing
into the interfacial capacitance as a result of the potential step. This quantity contains
information about the degree of substrate adsorption at the electrode surface.

2nFACA (D)
Q=AY o, (©9)

The application of chronocoulometry for mechanism analysis and evaluation of
kinetic parameters is similar to the application of CA and is often based on visual com-
parison of experimental data with working curves.

Double potential-step chronocoulometry [1,2,221] may be used similarly to DPSCA.
The working curves now include the charge ratio —Q,/Qy, which takes the value 0.414 for
a simple electron transfer reaction. The reductive cyclization of ethyl cinnamate (see
Chapter 21) illustrates the use of the technique [226,227].

C. Chronopotentiometry and Current-Reversal Chronopotentiometry

Chronopotentiometry in its most simple form involves the measurement of the potential of
the working electrode as a function of time after the onset of a constant current i [1,2].
Because of the decrease in concentration of A close to the electrode, the potential changes
with time, and when the concentration is sufficiently small a rapid potential shift is
observed to the value of another redox system or to the value for discharge of the
solvent-supporting electrolyte solution (Fig. 28).

The time at which the this rapid potential shift is observed, called the transition time
7, can, for reversible electron transfer, be calculated from the Sand equation:

V2 FADY2C
2 = uTIA_é (70)
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Figure 28. Chronopotentiometry; potential-time relationship after application of a constant cur-
rent. E, 4 is the potential acquired by the electrode at time /4.
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The complete chronopotentiometric wave is described by Eq. (71). If t = t/4, the
third term cancels and Eq. (71) reduces to Eq. (72), which defines the quarter-wave
potential E; 4 and which is equal to E° for D5 = Dj.

RT. Dy RT /72—t

— F° n=4 T In— -
E=E 4 oF "yt (71)
RT D
__TO B

Thus, the quarter-wave potential plays the same role in chronopotentiometry [228] as the
half-wave potential E;/» in polarography (see Sec. V). The mathematical formalism for
chronopotentiometry has been developed also for the application of ultramicroelectrodes
[229].

Chronopotentiometry has found only little use in mechanistic organic electrochem-
istry. This is primarily due to experimental difficulties in the accurate evaluation of the
transition time. A solution to this problem includes the application of a convolution
procedure [230]. Another extension includes the application of exponential current-time
functions and theoretical data for this method are now available for a number of mechan-
isms [231].

When applied to the analysis of kinetic data, chronopotentiometry is most often used
in the current-reversal mode, in which the direction of the current is changed after some
time t; (Fig. 29). When only the direction, but not the magnitude, of the current is
changed, the reverse transition time 7, is given by Eq. (73) [232].

Ewe
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f t,r* T, time

Figure 29. Current-reversal chronopotentiometry; current-time program and potential-time curve.
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Diagnostic criteria for a number of mechanisms have been summarized [233]. The
analysis of experimental data is most conveniently carried out with the aid of a working
curve (Fig. 30) relating the parameters t;, t,, and the rate constant k (or kyps).

An example of the application of chronopotentiometry is the oxidation of tropy-
lidene [235,236] and thioxanthene [236].

V. POLAROGRAPHY

Polarography is the term used for voltammetry with the dropping mercury electrode
(DME). The technique has been discussed extensively in several textbooks and reviews
[1—4.,237-242] to which the reader is referred for details concerning both theoretical prob-
lems and practical applications. The electrode (Fig. 31) was developed early in the century
by Heyrovsky and was the dominating tool in electroanalytical chemistry for several
decades. Because of the low oxidation potential of mercury (0.3-0.4V versus SCE), the
DME has been used almost exclusively for the study of reduction processes. Compared
with mercury film electrodes, the DME offers the advantage that the electrode surface is
continuously renewed. This property reduces undesirable surface effects caused by adsorp-
tion.
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Figure 30. Current-reversal chronopotentiometry working curve for the catalytic eC mechanism.
The parameter t, on the figure corresponds to t; in the text. (From Ref. 234.)
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Figure 31. Schematic of a dropping mercury electrode.

A typical current-voltage curve, a so-called polarogram, obtained at the DME as the
result of a slow (1-10mV s~') linear potential sweep in the negative direction is shown in
Fig. 32. The shape of the polarogram illustrates clearly the expansion of the electrode
surface during the lifetime of the individual mercury drops. Two parameters are generally
used to characterize the polarogram, the half-wave potential E;/, and the limiting current
iim- For a simple electron transfer reaction the height of the current plateau, measured as
the mean current during the drop lifetime 14, is given by the Ilkovic equation:

ig = 607nm**t/*D 2 C} (74)

The subscript d indicates that the surface concentration of substrate is dependent only on
diffusion of material to the electrode; m is the mass (mg) of mercury flowing out of the
capillary per second, and t is the drop lifetime (s). Polarographic current data are fre-
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Figure 32. Polarogram obtained at the dropping mercury electrode.
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quently normalized with respect to C%, m*?, and t/® to eliminate the parameters asso-
ciated with a particular experiment. The current normalized as in Eq. (75) is called the
diffusion current constant I.

i 2
= G sy = 607nD)” (73)

If the electron transfer, Eq. (1), is reversible, the complete polarographic wave may
be described by a modified Nernst equation [237,238]:
RT fADl/‘ RT, ig—1i

Rl 6
o o F R (76)

E=F"+—

If iy = 0.5y, the third term in Eq. (76) cancels and the expression reduces to Eq. (77),
which defines the half-wave potential E .

RT 12
E E]/z = Eo‘f'_—lll fADl/,,
nF DL

(77

When f, = fz and D, = Dg, E;» equals E°. It is seen also that E,  is independent of the
substrate concentration. Introduction of E; > in Eq. (76) results in the more convenient Eq.
(78), where the constant 0.0591 refers to T = 298 K.
RT 0.0591, ig—i
E=E+-——In _El/, loghd ! (78)
nF i n i

The reversibility of the electron transfer reaction may be tested via this equation, which
predicts that a plot of E versus log[(iz —1)/i] results in a straight line with the slope
0.0591/nV (at T = 298K) for a reversible redox system. Slopes smaller than 0.0591/n'V
are observed when the electrode process is quasi-reversible or irreversible. In the latter
case, E and i are related through Eq. (79) [238,241].

RT . 1.349k°t'/? RT . i o
E:mm——mz—t— 0.9163——In™ M1 pori>ig/10 (79)
A

It should be noted that when Eq. (79) is used, it is the current at the end of the drop life
rather than the mean current that should be measured. In analogy to the reversible case,
the half-wave potential can be introduced, Eq. (80), resulting, finally, in Eq. (81).

RT . 1.349k°t'?

E=El/2 =(an n DIA/Z (80)
i 0542 g —i
E= El/o+09163£T151 ol 00 log 4 — @1)

The transfer coefficient & may be obtained from a plot of E versus log[(igy — i)/i] which
should be linear with a slope of 0.0542/(an) V.

Both m and t in the Ilkovic equation [Eq. (74)] depend on the height of the mercury
reservoir h, and since m is equal to c’h and t is equal to ¢”/h, where ¢’ and ¢” are
constants, we have the relationship between iy and h given by Eq. (82). Thus the magni-
tude of a purely diffusion-controlled polarographic wave is proportional to the square
root of the height of the mercury reservoir.




Methods for Reaction Studies 147

_ N
iy = 607n(c’h)¥? (%) DY2Ci = (const)h!/? (82)

Polarography has been used to characterize the electrochemical reduction of numer-
ous substrates under aqueous conditions [237-242]. Both Ey,» and iy, may be affected by
the proton activity. The polarograms resulting from reduction of anthracene in solvent
systems of increasing proton activity illustrate a general trend observed during this type of
experiment (Fig. 33). Under essentially nonaqueous conditions, two reversible one-
electron polarographic waves are observed corresponding to the successive formation of
the radical anion and the dianion (Fig. 33, curve a). When the water content increases, the
first wave grows at the expense of the second wave, with the sum of the two remaining
almost constant, until finally at high proton activities the two waves have merged into one
two-electron wave (Fig. 33, curve e). This behavior can be rationalized in terms of the eCey,
mechanism in Scheme 2 with X representing a water molecule. The increase in the height
of the first wave is related to the increasing importance of the first proton transfer step (ii).
In comparison with CV, curve a in Fig. 33 would correspond to Fig. 8, whereas curve e in
Fig. 33 would correspond to Fig. 13.

In purely aqueous solution, the half-wave potential E;,» for the general reversible
reaction shown in Scheme 5 is given by Eq. (83) (at T = 298K).

Eijp = E§3 - 0.0591 = pH (83)

Thus for two reaction schemes commonly met in organic electrochemistry, m = n = 1 and
m =n = 2, a plot of E;; versus pH should yield a straight line with the slope 59 mV/pH.
Numerous examples of the variation of E;,, with changing pH have been reported [243—
245].

Although polarography to some extent has lost some importance relative to new
powerful techniques, the method deserves not to be forgotten [242]. Polarography is still in

iac' uA

Potential

Figure 33. Effect of increasing proton activity, a through e, on the polarogram of anthracene. For
the sake of clarity the five polarograms have been shifted horizontally. Note also that the oscillations
caused by the growth and fall of the mercury drops are not shown. (From Ref. 76).
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many cases a competitive method for the examination of, for example, electron transfer
reactions preceded or followed by slow chemical steps or electrochemical reactions asso-
ciated with adsorption phenomena.

VI. METHODS BASED ON FORCED CONVECTION
A. General Considerations

It is characteristic for the methods described so far that the measurements are carried out
in a quiet solution and that the transport of material to and from the working electrode is
assumed to be governed by diffusion only. It has been mentioned also that undisturbed
diffusion cannot be maintained over longer periods of time unless the working electrode is
properly shielded. Another way to suppress the effects caused by natural convection is to
use a rotating disk electrode (RDE). Owing to the rotation of the electrode, a strong
convective force 1s imposed on the solution (discussed later); and in comparison other
forces that may influence the solution transport are small and can be neglected.
Furthermore, the diffusion layer thickness for a rotating electrode is small compared to
that of a stationary electrode, and taken together, these characteristics result in an experi-
mental setup that is relatively insensitive to the nature of the surroundings. However, this
advantage has to be paid for by the drawback that the RDE, when used in organic
electrochemistry, often suffers from electrode fouling, presumably caused by the deposi-
tion of insulating films, a problem related to the high material conversion at the electrode
surface.

Thorough discussions of the applications of rotating disk electrodes and the asso-
ciated mathematics are found in several texts [1,246-249].

B. The Rotating Disk Electrode

The electrode tip of an RDE system may consist of a cylindrical piece of conducting
material (usually Pt, Au, or glassy carbon), which together with a wire or a steel rod
for electrical contact is sealed into an insulating shaft (Fig. 34). When the electrode is
rotated, an adjacent thin layer of the solution dragged by the electrode surface acquires the
tangential velocity of the electrode. Because of the centrifugal force, this is superimposed
by a radial velocity, resulting in an overall flow pattern at the electrode surface, as illus-
trated in Fig. 35. The liquid thrown out horizontally is replaced through an upward
vertical flow (Fig. 34).

The mathematical treatment on which the equations given in this section are based is
valid only as long as the fluid flow is laminar. At very high rotation rates the flow becomes
turbulent, and at very low rotation rates natural convection begins to play an unwanted
role. The two extremes can be given in terms of the Reynolds number Re, which for the
RDE is defined in Eq. (84), where 1 is the radius (cm) of the RDE, including the insulating
shaft (!), w is the angular rotation rate (rad s™'), and vy is the kinematic viscosity coeffi-
cient (cm? s™!). Laminar flow can be maintained for Re values between 10 and 10%, both
values being approximate. For a typical commercial RDE these extremes limit the useful

range of rotation rate to values roughly between 0.2 and 200revs™.

Re = rlwv; ! (84)

The tangential and radial velocities decrease with increasing distance from the elec-
trode surface, and at some critical distance §, it is sufficiently accurate to consider the
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Figure 34. Schematic or a rotating disk electrode. The streamlines indicate the flow below the disk.
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laminar upward motion as the only mode of transport. The liquid layer in which it is
necessary to take into account both the tangential and the radial velocity is called the
hydrodynamic boundary layer, and its thickness is given approximately by Eq. (85). Thus,
the value of §, varies between 2.7 mm and 0.08 mm for rotation rates in the range 0.2 and
200revs! assuming the value 0.01 cm?s™! for v,

8, = 3v/ 2w (85)

When an electrochemical process takes place at the electrode surface, a concentra-
tion gradient develops near the surface, resulting in diffusion as an additional mode of
mass transport. The liquid layer in which the transport by diffusion is comparable to the
convectional motion is called the diffusion boundary layer, and its approximate thickness
8 is given by Eq. (86), corresponding to approximately 5% of §,

§ = 1.61DY*,/Sw™1/ (86)

Figure 35. Streamlines at the electrode surface of a rotating disk electrode.
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Both §, and & have the same value over the entire electrode surface, which has given rise to
the description of the electrode as a uniformly accessible surface. The concepts of a
hydrodynamic and a diffusion boundary layer have no theoretical significance as such
but serve mainly to provide a suitable model for the hydrodynamic conditions related to
the rotating electrode.

At constant rotation speed, the current-voltage curve (Fig. 36) for a simple reversible
electron transfer reaction, Eq. (1), is similar to a polarographic wave and the half-wave
potential E, - for the current-voltage curve obtained by an RDE is defined in the same way
as in polarography (Sec. V). The curve can be considered as consisting of three regions, a,
b, and c, depending on the value of the applied potential compared to E°. For the general
case where the process is under the mixed control of mass and electron transfer (region b in
Fig. 36), the current is given by Eq. (87) [250,251].

- , Dp D
LOID /w2 4 22 642
s.f s.f

For a typical value of § ~ 107> cm, the term D a/ks ¢ can be neglected if kg r > 10t ems™.

The current is now controlled solely by the mass transfer to the electrode (region c in Fig.
36) and the equation reduces to the so-called Levich equation, Eq. (88), which may be used
together with the Cottrell equation, Eq. (64), in the experimental determination of & [252].

_ nFAC:D,

ihm = 0.6211FACZD11/3U;1/60)1/2 >

(88)
An important consequence of this equation is the prediction that iy, varies linearly with
w'*, a crucial test of the quality of the RDE. On the other hand, if ks < 10™*cms™!, the
term Da/k;y is large compared to 8, and for this situation, in which the current is con-
trolled by the rate of the electrochemical process (region a in Fig. 36), Eq. (89) is valid.

|
Eo E

Figure 36. Current-voltage curves for a rotating disk electrode: (1) without and (2) with substrate
added. The regions indicated are: a. control by electron transfer; b, mixed control by electron and
mass transfer; ¢, control by mass transfer.
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i =nFACJKk, (89)

These relations have been discussed and experimentally tested [250]. Values of k° up to
approximately 0.1 cms™' may be measured using the RDE.

By inspection of Egs. (87)-(89) it is seen that measurement of the rotating disk
current may provide information concerning the value of n, Ci, Dy, vy, or kyy if the
remaining parameters are known. Accuracy in determination of r values depends mainly
on how accurately the value of D, for the compound in question is known. For the
majority of organic compounds, diffusion coefficients in the common organic solvents
have not been measured, but comparison with a suitable compound of similar structure
for which both n and D are known can often solve the problem (assuming the same value
of D for the two substrates). Since D, appears only to the power of % in Eq. (88), the
resulting n value is only moderately dependent on variations in the D, estimate. The
measurement of diffusion coefficients by means of the RDE technique has been the subject
of a number of papers [248,253] and need not be treated further at this place.

A major field of application of the RDE in organic electrochemistry is elucidation of
the mechanistic details for reactions following the heterogeneous electron transfer. One
way of using the RDE in kinetic work is based on the relationship between iy, and w. In
the absence of kinetic complications, a plot of iy, versus ®'/? should be a straight line [Eq.
(88)]. However, if the electron transfer reaction is followed by a chemical step, the linear
dependence of i, on @'/? may change to a curved relationship. For the eCe mechanism
(Scheme 2), the relationship between the apparent number of electrons, n,pp, ijim. and o is
given by Eq. (90) [254], where n and 1hm are the number of electrons and the current
observed for the first electron transfer step only, i.e., in the absence of the chemical
reaction. Other mechanisms have been treated as well [248,255,256].

Napp iym —0 - —0.8341,°k)/(D} ) (90)

n i
1t is easily seen that for relatively fast chemical steps where k >> w, the exponential term is
close to zero and the current corresponds to the exchange of two electrons. On the other
hand, if k = 0, the current will correspond to a one-electron process. Consequently, for
intermediate values of k the apparent number of electrons varies between 1 and 2.
Equation (90) predicts that n,,, trends toward smaller values with increasing w. The
working curve showing the relationship between n,p, and (/%) can be calculated
from Eq. (90) for any value of k provided that the remaining parameters are known.
Working curves at different k values for the eCe, mechanism (Scheme 2) are shown in
Fig. 37.
The range of measurable first-order rate constants is given by Eq. (91).

0.1s' <k <10°s7! 91)

Typical studies, in which the RDE has been used, include the dimerization of the
triphenylamine radical cation [257] and the cyclization of the tetraphenylethylene dication
[258].

Another approach includes measurements of E; relative to that for the simple
electron transfer reaction [259-261]. For instance, for the eCe, mechanism, AE,; is
given by Eq. (92) and it is seen that a plot of AE;;, versus log w is predicted to be linear
with the slope —2.303RT/(2nF) (= —29.5mV atn = 1 and T = 298 K). The value of k can
easily be determined from this plot.
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Figure 37. Rotating disk electrode working curves for the eCey, mechanism at different values of
the rate constant k for the chemical step.

2.303RT D\ Vo
AE, ) = F log|:< vk) O.643«/E] + log2 (92)
An example is shown in Fig. 38 for the reduction of fluorescein in aqueous solution at pH
9.5-9.7 [259].

The applications of the RDE presented so far all relate to operation under steady-
state conditions. However, it has been shown that the possibility of discriminating between
closely related mechanisms, such as the eCe and the eCep, may be improved considerably
by using a potential-step technique together with the RDE. The reader interested in the
details is referred to the original literature [256,262,263].

C. The Rotating Ring-Disk Electrode

At the RDE the electrode products are thrown horizontally away from the electrode
surface and thus escape further detection. A solution to the need for additional informa-
tion in RDE experiments is the rotating ring-disk electrode (RRDE) [264]. The electrode
consists of a conducting disk and a conducting ring in a concentric arrangement separated
by insulating material (Fig. 39). By proper adjustment of the ring potential, initial elec-
trode products or products from follow-up reactions may be monitored as a function of
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Figure 38. Variation of the half-wave potential for the reduction of fluorescin with the rotation
speed for the current-voltage curves obtained at pH 9.68 (e) and 9.51 (x). (From Ref. 259.)

the angular rotation rate. The parameter most frequently used in RRDE experiments is
the collection efficiency N, Eq. (93), which relates the ring current i, to the disk current iy.
i
N== (93)
1g
These observables usually have opposite signs and should be measured at potentials where
mass transport is rate-determining. The value of N is less than unity, even for a simple
electron transfer reaction, because only a fraction of the molecules generated at the disk
electrode reaches the ring owing to diffusion away from the electrode. The theoretical
value of N depends on the geometry of the electrode system. Of special importance is the
size of the gap between the two electrodes r, — ry (see Fig. 39). The value of N typically
varies between 0.45 and 0.2 [265] and is independent of w for a simple electron transfer
reaction.

If the initial electrode product B undergoes a chemical reaction, the observed ring
current, and therefore N, drops to a lower value. The fraction of the B molecules that
escape detection at the ring depends on two factors, the rate of the chemical step and the
time interval between the generation and detection of B, that is, on w. Consequently, it can

Figure 39. Schematic of a rotating ring-disk electrode.
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be expected that for a given chemical reaction the value of N increases with increasing
and in the limit approaches the value for the simple electron transfer reaction. Working
curves for the determination of rate constants can be constructed by analogy to those
already described for the RDE, this time relating N to w or an expression containing this
parameter. Because of the complexity of the mathematics associated with the calculation,
digital simulation has been extensively used for this purpose [265-267]. Comparison of
analytical and numerical solutions for a number of cases demonstrated satisfactory agree-
ment between the two approaches [268]. If the mechanism is known, the rate constant can
be obtained from the appropriate working curve, which for the RRDE usually relates the
collection efficiency to one of the two parameters given in Egs. (94) and (95) [265].

XKT = (0.51)*ke™"v{’ D3  (first-order rate law) (94)

XKTC = (0.51)*kCho ™'/’ D;'?  (second-order rate law) (95)

However, for a specific case it may be more convenient to use a set of working curves,
similar to those shown for the RDE, that relates N to «'/* (Fig. 40).

Application of the RRDE as a diagnostic tool to explore the mechanism of an
unknown reaction pathway relies, as most methods do, on the differences between the
different working curves. For the RDE the working curves for different mechanisms in
many cases do not deviate sufficiently to allow a distinction between two possible path-
ways [259]. The presence of the ring electrode provides extra information, and thus the
RRDE is a more sensitive instrument for mechanism analysis. An example is the distinc-
tion between the RR and the RS dimerization mechanisms for CS, radical anion [269]. It
has been pointed out, however, that even with this electrode setup the working curves do
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Figure 40. Rotating ring-disk electrode working curves for the eCe mechanism at different values
of the first-order rate constant k for the chemical step. The value of N corresponding to k =0 is
0.184 for this particular electrode.



Methods for Reaction Studies 155

not allow the unequivocal discrimination between, e.g., eCe type (Scheme 2) and catalytic
mechanisms (Scheme 7) [265], or the different dimerization mechanisms (Scheme 3) [266].
A solution to this problem has been found that takes advantage of the possibility of
varying the relative fluxes of A and B from the disk via the current density [266,270-272].

The RRDE technique can provide quantitative information for reactions having rate
constants in the ranges given by Eqgs. (96) and (97). The limits are dependent on the
dimensions of the RRDE, in particular the size of the gap between the ring and the disk.

107's™ <k < 10%s7! (first-order rate law) (96)

10'M s <k < 108M 157! (second-order rate law) o7

Vil. METHODS FOR DETERMINATION OF THE NUMBER OF ELECTRONS
TRANSFERRED PER MOLECULE OF SUBSTRATE

An important parameter in all kinds of electrochemical work, including mechanism analy-
sis, is the number of electrons n transferred per molecule during the electrochemical
reaction.

Values of n may be obtained by almost any electrochemical technique, provided that
a number of other parameters are known as illustrated, for example, by the relations
between n and i given in Egs. (13), (61), (64), (74), and (88). However, it is the exception
rather than the rule that all the necessary parameters are known for a particular experi-
ment. This applies especially to the effective electrode area A and diffusion coefficient D,
which is known only for few substances in the solvent systems commonly used in electro-
chemical studies. A simple solution to this kind of problem is based on the quantitative
comparison of, for instance, LSV and CA [273]. From Egs. (13) and (64) it is easily seen
that the ratio R = (i,/ v'/2)/(it"?) is given by the simple expression of Eq. (98), since all
other parameters cancel.

R= ip/l’l/2
=
it

=4.92n'/? (98)
Thus, it is possible to estimate n values without the prior knowledge of D4 and A,
provided the same working electrode is used for both experiments. The experimental
values of R for systems with known n were found to agree with the theoretical values
(4.92 for n = 1 and 6.96 for n = 2) within 6%. This approach for the determination of n
has been discussed in more detail elsewhere [274].

A different way of determining n values is based on the measurement of the amount
of charge necessary for the exhaustive electrolysis of a known amount of substrate. This
type of experiment, traditionally called coulometry, may be carried out either at constant
potential or at constant current.

During coulometry at constant potential, the amount of charge is obtained by inte-
gration of the current-time curve (Fig. 41).

The advantage of potential control during the coulometry experiment has to be paid
for by a rather long electrolysis time. The endpoint, i = 0, is in principle not reached until
infinite time has elapsed. In practice, however, the electrolysis is stopped when the current
has decayed to a few percent of the initial value. The error introduced in this way can be
neglected for all practical purposes.
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Figure 41. The current i as a function of the time t in constant potential electrolysis. The current is
given by 1 =1, - 107, where k is a constant depending on the construction of the electrochemical
cell (see Ref. 275.)

Coulometry at constant current is often considered as being less attractive than
coulometry at constant potential. Control of the current rather than the potential has,
however, a number of advantages. First, the charge consumed during the reaction is
directly proportional to the electrolysis time, and second, simpler electronic equipment
may be used. It has been demonstrated [276] that when the current density is low, the
potential of the working electrode stays almost constant until 90% of the substrate is
consumed. The total conversion of, for example, 0.1 mmol of substrate at 25mA requires
an electrolysis time of 6.44 min for n = 1. The change in concentration during electrolysis
is conveniently followed by LSV or CV. Cyclic voltammograms of a solution containing
0.1 mmol 3,4-diphenyl-1,2-dithiolylium ion [277], after constant-current (25mA) reduction
in0,1, 2, 3,4, 5,and 6 min, respectively, are shown in Fig. 42. Extrapolation of the current
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Figure 42. Constant current coulometry (25mA) of 3,4-diphenyl-1,2-dithiolylium ion (0.1 mmol).
Cyclic voltammograms, horizontally displaced, are shown after reduction for 0, 1. 2, 3, 4, 5, and 6
min, respectively.
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to i, = 0 gives the time for complete conversion, which in the present case was very close
to the time, 6.44 min, predicted for n = 1

Under conditions where the primary electrode product undergoes a slow chemical
reaction, that is, t;, is of the order of seconds, the value of n determined by a relatively
fast technique like LSV may differ from that obtained by a slow experiment like coulo-
metry. This type of behavior was observed in the anodic oxidation of 2,3,5,6-tetraphenyl-
1,4-dithiin in MeCN [278]. During CV the reversible oxidation to the radical cation is
observed. However, when constant-current coulometry was carried out as described
earlier, this time at i = 50 mA, 6.44 min was required to oxidize completely 0.1 mmol of
the substrate to a product electroinactive in the potential region of interest, indicating an
overall two-electron process (Fig. 43). Thus, apparently contradictory results may be
obtained due to the difference in time scale between the two types of experiment.

The equipment necessary for the determination of n by coulometry as described
earlier does not in principle differ from that used for a microscale preparative electrolysis.
Therefore, in addition to the determination of n, it is possible also to investigate the
voltammetric properties of the product and, for example, whether the starting material
may be regenerated by electrolysis after the direction of the current has been changed.

vill. METHODS BASED ON THE COMBINATION OF ELECTROCHEMICAL AND
OPTICAL TECHNIQUES

Spectroelectrochemistry takes advantage of the possibility of characterizing and monitor-
ing spectroscopically the intermediates and products formed as the result of the hetero-
geneous electron transfer reaction [1,4,279]. The major experimental problems met
concern both the preparation of suitable electrodes and cells and the electronic detection
of the absorptions, which are often weak.
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Figure 43. Constant current coulometry (50mA) for 2,3.5,6-tetraphenyl-1.4-dithiin (0.1 mmol).
Cyclic voltammograms, horizontally displaced, are shown after oxidation for 0, 1, 2, 3, 4, 5, and
6 min, respectively.
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Within the fields of organic electrochemistry and mechanism analysis the interest is
centered mainly on absorptions in the ultraviolet (UV)-visible (Vis) region. This obviously
is related to the fact that the primary intermediates of electrochemical processes, radical
ions and radicals, often absorb in the visible region where the solvent-supporting electro-
lyte-substrate mixture usually is transparent, which facilitates the recording of the spectral
data. Several reviews have been published dealing with both the theoretical and practical
aspects of the technique [280-285], which recently has been extended to include also
circular dichroism [286] and fluorescence spectroscopy [287]. Attention has to some extent
been focused also on the application of infrared (IR) [288-292] and Raman spectroscopy
[293-296]. However, the recording of spectral data of, for instance, a radical ion in the IR
region requires rather elaborate experimental setups and data-handling procedures
because of the (often strong) absorptions caused by the solvent-supporting electrolyte-
substrate mixture itself. Spectroelectrochemical techniques offer also the possibility for
studying the electrode surface, in particular adsorbed organic species, and the interfacial
region. However, this type of work is beyond the scope of the present text. Recently, a set
of TUPAC recommendations concerning the names and abbreviations of the various
spectroelectrochemical techniques has appeared [297].

A. The Techniques and Cells for Spectroelectrochemistry

Spectroelectrochemistry can be performed in a number of ways depending on the type of
electrode employed [1,4,279,285,288,289]. Transmission spectroscopy by which the analyz-
ing beam is passed through an optically transparent electrode (OTE) is illustrated in Fig.
44(a). The OTE may consist of a transparent material, usually glass or quartz, covered
with a thin metal film, for instance, Pt or Au. Transparent conducting materials such as
oxides of Sn and In have been used as well. A variant of the OTE is the minigrid electrode,
which is made from a wire mesh, usually between 50 and 1000 wires per centimeter. The
transparency of such electrodes is due to the holes in the metal grid. Although convenient
to work with, the OTE technique originally suffered from the necessity of passing the light
beam through the entire cell; that is, only a fraction of the solution in the light beam had
been affected by the electrochemical process. This problem has been overcome by the
application of various designs of thin-layer cells, usually referred to as optically transpar-
ent thin-layer electrodes (OTTLE). The thin-layer cells also have the advantage that only a
small volume of the electrolyte solution is needed [298-303].

thin film thin film

solution / hv
transparent solution transparent
material material
(a) (b) (c)

Figure 44. Electrode systems for spectroelectrochemistry: (a) optically transparent electrode, (b)
electrode for internal reflection spectroscopy, and (c) electrode for specular reflectance spectroscopy.
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Another approach, internal refiection spectroscopy (IRS) or attenuated total reflec-
tance (ATR) spectroscopy. takes advantage of the total reflection observed when a light
beam is directed to the back of the OTE at an angle greater than the critical angle. Since
the reflection takes place at the electrode-solution interface, the light beam is attenuated
only by molecules close to the electrode surface. The penetration depth is about 1000 Ain
a typical experiment. Because of this very small effective cell length, the electrode is most
frequently used in a multiple reflection mode [Fig. 44(b)].

Conventional electrodes for voltammetry, such as Pt electrodes, when polished to
mirror quality, can be used in spectroelectrochemical work. The light beam is reflected at
the electrode surface and passes the solution of interest twice, which causes an improve-
ment in the sensitivity [Fig. 44(c)]. The sensitivity of this method, called specular reflec-
tance spectroscopy (SRS) [1,304,305], can be further enhanced by increasing the angle 0 to
almost 180° (glancing incidence reflectance spectroscopy) [306]. In the limit, the light beam
traverses the solution parallel to the electrode without reflection (parallel incident or
grazing incidence spectroelectrochemistry) [307-309]. This is the basic idea behind the
so-called long optical path thin-layer cells [310-313]. When a highly collimated light
beam is used—for instance, as generated by a laser—this method may also provide spec-
troscopic information about the concentration-distance profiles in voltammetric experi-
ments [307].

Many of the designs just referred to suffer from the problem that the electrochemical
characteristics of the resulting spectroelectrochemical cells are not always good. In parti-
cular, many cell designs result in nonideal potential distributions, large ohmic resistances,
and complicated diffusion patterns [314], which make the recording of high-quality
voltammetric data impossible. In the cases where the electrogenerated intermediates or
products have long lifetimes this problem has been solved by obtaining the spectral infor-
mation using a so-called dip probe fitted into a conventional electrochemical cell [253,315].

Finally, mention should be made of a new generation of channel flow cells, in which
the electrochemically generated species are transported by a laminar flow from the work-
ing electrode to an optically transparent part of the cell [316-318].

As it appears from the preceding discussion, much effort has been put into the design
of suitable cells. Some of the classical setups are depicted in Fig. 45, and many other
solutions to special needs have been reported, in particular during the last decade
[285,291,300-303,309,312,316,319-321].

B. Modes of Operation and Applications

1. Recording of Spectral Data

Spectra of stable electrogenerated species are conveniently obtained by using, for instance,
a cell equipped with an OTE (or OTTLE) [322-326]. An example is the reduction of 1,1’
dibenzyl-4,4’-bipyridinium dication to the radical cation (Fig. 46) [322]. If the current
efficiency is 100%, the concentration of the electrogenerated species can easily be deter-
mined from the amount of charge passed through the solution, which enables the calcula-
tion of the extinction coefficient for the compound in question. The same experimental
setup is useful for the measurements of spectral characteristics of species for which the
heterogeneous electron transfer is so slow that the direct conversion at the electrode is
either inconvenient or impossible. In such cases advantage can be taken of the presence of
an electron carrier (a mediator), which is capable of exchanging electrons rapidly with the
electrode as well as the substrate. This approach was taken in a study of the formal
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Figure 45. Examples of spectroelectrochemical cells for use in transmission spectroscopy (top) and
internal reflectance spectroscopy (bottom). (From Ref. 281.)

potentials and number of electrons associated with the reduction of cytochrome ¢ and
cytochrome ¢ oxidase [323]. Spectral changes could be observed after consecutive coulo-
metric generation of as little as 5 nanoequivalents of the electron carrier, which in this
particular case was the 1,1’-dimethyl-4,4 -bipyridinium radical cation.

Owing to the experimental difficulties already mentioned, few studies addressing the
spectroscopic properties of stable ion radicals in the IR region have been published.
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Figure 46. Spectra of 1,1'-dibenzyl-4.4'-bipyridinium radical cation taken after equal incremental
reductions of the corresponding dication at an SnO, OTE. (From Ref. 322.)

Examples include the radical anion of tetracyanoethylene [327] and the radical cation
derived from heptyl viologen [328].

2. Spectra of Rapidly Reacting Species and Kinetic Measurements

When the heterogeneous electron transfer is followed by a chemical step, the registration
of spectral data becomes more complicated unless the rate of the chemical reaction is very
low. Rapidly reacting species—for instance, radical ions—can be characterized spectro-
scopically by the application of rapid scan spectroscopy (RSS), modulated specular reflec-
tance spectroscopy (MSRS) and, more recently, diode array spectrometers.

In the first of these techniques, RSS [329] the rapid scan may be obtained by using a
vibrating mirror that allows a spectral region of approximately 400 nm to be covered in
1 ms. Coupled with a signal-averaging technique and computer control of the spectrometer
and the data acquisition system, the relative sensitivity can be extended to 105 for a 5-ms
scan [330]. Kinetic and mechanistic information can be gained from the analysis of the
time-dependent spectra obtained when a repetitive scan technique is used. Examples of the
application of RSS for the determination of spectral data of rapidly reacting intermediates
are found in studies of the oxidation of 4-methoxyphenylethylenes [330], tetraphenylethy-
lene [331], and 3,3’-dimethylnaphthidine (Fig. 47) [332], and the reduction of 2,2’-diquin-
oxalyl [333].

The development of fast spectrometers has opened the possibility of studying, for
instance, the spectral changes (UV-Vis and IR) associated with a single CV scan [334-336]
or spectra of short-lived intermediates [337,338]. The first approach was taken in a study
of the initial steps of the electropolymerization of aniline in aqueous sulfuric acid [335].
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Figure 47. The spectra of 3,3'-dimethylnaphthidine products recorded during chronoampero-
metric measurements at an SnO, OTE. (From Ref. 332.)

The new UV-Vis absorption band at 425 nm (Fig. 48) was taken as evidence in support of
participation of benzidine, the tail-to-tail dimer, in the polymerization process.

The details of the electrohydrodimerization of dimethyl maleate in methanol has
been studied using Fourier transform infrared (FTIR) spectroscopy [339]. Spectra were
recorded as a function of time at a constant applied potential (—1.5V versus Ag/AgCl)
with the reference spectrum being obtained at 0 V. The result is shown in Fig. 49(a) as
plots of dR/R versus the wavenumber (cm™"), where R is the reference spectrum and dR is
the sample spectrum minus the reference spectrum. Thus, positive dR/R values indicate
loss of chromophore, while negative dR/R values indicate gain of chromophore. The
analysis of the spectral data showed that the formation of the hydrodimer, 1,2,3,4-butane
tetracarboxylic acid, is accompanied by isomerization of dimethyl maleate (the cis isomer)
to dimethy] fumarate (the trans isomer). This is nicely illustrated by Fig. 49(b), from which
it is seen that the loss of chromophore at 1390 cm™ (cis isomer) proceeds more rapidly
than the gain in chronomophore at 1288 cm™" (¢rans isomer).

A different approach, MSRS, involves modulation of the electrode potential by a
periodic function, e.g., a sine wave or a pulse [340-345]. Absorbance variations other than
those that are synchronized with the modulation frequency are discriminated by help of a
lock-in amplifier, leaving the system almost insensitive to absorbance of products built up
during the experiment. In this way it has been possible to obtain the visible spectrum of
perylene radical anion in the presence of acetic acid (Fig. 50) and thianthrene radical
cation in the presence of water [341]. Other examples include the oxidation of N,N-
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Figure 48. UV-Vis spectro-cyclic voltammogram corresponding to the first CV cycle for the
oxidation of aniline (50 mM) in aqueous sulfuric acid (0.5M) at v=0.2Vs~'. The inserts show
the voltammogram and the potential dependence of the absorbance. (From Ref. 335.)

dimethyl-p-phenylenediamine [342] and 2,6-di-zert-butylanilines [344] to the corresponding
radical cations.

When spectroelectrochemistry is used as a tool in reaction kinetics, it is important to
know accurately the rate of generation of reactive intermediates, that is, the accurate
potential of the working electrode. This requirement becomes a particular problem
when an OTE is the preferred electrode because of the ohmic drop in the electrode itself
and the nonuniform current distributions often encountered. For the OTTLESs in parti-
cular, the accurate modeling of the diffusion in the cell also leads to rather complicated
mathematical equations [346]. The most profitable way of operation is therefore to use a
potential-step procedure where the potential is stepped to a value at which the hetero-
geneous electron transfer reaction proceeds at the diffusion-controlled rate. In transmis-
sion spectroscopy the absorbance, Ag(t), of the initial electrode product B, in the absence
of chemical follow-up reactions, is given by Eq. (99) [347,348], where &3 is the extinction
coefficient of B.

N

Ag(t) = J;E8BCZV Dt 99
If B is unstable and disappears during the experiment, the absorbance measured will be
smaller compared to that obtained in the absence of the chemical step. Expressions for
Ag(t) for a number of mechanistic perturbations have been calculated [348]. The results
are most conveniently presented in terms of the normalized absorbance, Eq. (100), as a
function of log(kt) (first-order rate law) or log(kCit) (second-order rate law).
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Figure 49. (a) In situ FTIR difference spectra for the reduction of 5% (w/v) dimethyl maleate in
MeOH (0.25 M NaOAc) recorded as a function of time at E = —1.5V versus Ag/AgCl with 0.0V as
the reference spectrum, and (b) plots of the absorbance versus time for the loss and gain of bands at
1390cm™" and 1288cm™', respectively. (From Ref. 339.)
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Figure 50. Visible absorption spectra of the perylene radical anion in DMF containing acetic acid
(70 mM) measured by modulated specular reflectance spectroscopy at a, 3 Hz; b, 10 Hz; ¢ 30 Hz; d,
60 Hz; and e, 80 Hz. (From Ref. 340.)

AN = Ag(D)
® 7 (265C; vDat/v/7)

Obviously, AY is unity when B is stable. The working curve for the eCe, mechanism,
which has been considered for the pyridination of 9,10-diphenylanthracene radical cation
(DPA ™) [349], is illustrated in Fig. 51.

Performance of the experiment, usually termed chronoabsorptometry, includes the
registration of the absorbance-time curves for DPA™" in the absence and in the presence
of pyridine from which data for the normalized absorbance-time dependence is obtained.
The rate constant can be estimated by fitting these data to the working curve. In the
present case [349] the rate constant for the nucleophilic attack of pyridine on DPA™ "
was calculated to be 1.86 x 10*M™'s7".

By analogy to the extension of CA to DPSCA (Sec. IV), chronoabsorptometry has
also been applied in a double potential-step version [350,351], and working curves for a
large number of mechanisms have been calculated [352].

IRS and SRS may be used by analogy to chronoabsorptometry for the investigation
of kinetic and mechanistic details (Fig. 52) [353-3535]. In the absence of chemical follow-up
reactions, the absorbance-time dependence, again assuming diffusion-controlled hetero-
geneous electron transfer, for IRS is given by Eq. (101), which at times greater than
approximately 1ms reduces to Eq. (102), where a = /Dg/$, by is an efficiency factor,
and § is the diffusion layer thickness [Eq. (55)].

(100)
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Figure 51. Chronoabsorptometry working curves for the eCe, mechanism. The experimental
points are for the reaction between the 9-10-diphenylanthracene radical cation and pyridine at
different concentration ratios (From Ref. 349.)

D 2
Ag(t) = e5beCh /D—:[l _et erfc(aﬁ)] (101)
Ap = ebarCh [ (102)
B

The simplification, Eq. (102), arises from the fact that the penetration depth of the light
beam is only of the order of 1000 A, and shortly after the potential has been switched on,

%o 00 10 20 30 40 50
log(kC%)

Figure 52. Normalized absorbance Ay versus log(kC¢p,t) for the reaction between chlorproma-
zine (CPZ) radical cation and dopamine (DA) (from Ref. 354.)
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the concentration profile close to the electrode is essentially in a steady-state condition,
rendering the absorbance independent of time.

In potential-step chronoabsorptometry the absorbance of the electrogenerated spe-
cies is followed during the electrochemical perturbation. Additional information may be
gained by open-circuit relaxation (OCR), in which the absorbance decay is followed as a
function of time after the working electrode has been disconnected from the potentiostat.
When the electrode is connected, there is a continuous, though decreasing, generation of
the reactive species, and both solution and heterogeneous processes can take place during
the reaction to products. However, after the electrode has been disconnected and the
generation of the reactive species stops, only solution electron transfer can occur. OCR
spectroscopy has been discussed in detail in a number of papers [350,356-358]. The
absorbance-time curve obtained in a typical experiment, the generation of perylene radical
anion in the absence (a) and in the presence (b) of phenol [359], is illustrated in Fig. 53.
The stability of the perylene radical anion in the absence of the proton donor is demon-
strated by the time independence of the absorbance after the electrode has been discon-
nected at t = 400 ms. The pulse length may be varied between approximately 100 ms and
several seconds. Since the average concentration of the reactive intermediate is dependent
on this parameter, pulse-length variation is important in OCR experiments. The discon-
nection of the electrode is usually performed using an electronic switch. The lower limit for
applicable pulse lengths is not set by the electronics, but by the time necessary to discharge
the double layer. However, by application of charge injection [360] together with a special
diode switching technique [359], the problem arising from the double layer discharging can
be partly overcome and measurements can be performed in the microseconds range.

Working curves have been calculated for a number of reaction mechanisms. The
experimental data are normalized by the absorption measured at the time of electrode
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Figure 53. Absorbance-time curves for the spectroelectrochemical generation of perylene radical
anion at 570 nm in DMF; (a) without and (b) with addition of phenol. The time to open circuit
(dashed line) is 400 ms. (From Ref. 359.)



168 Hammerich

disconnection, and the mechanism analysis and calculation of rate data then follow essen-
tially the procedure already described for chronoabsorptometry. An illustrative example
of the application of OCR is the study mentioned earlier, the intramolecular cyclization of
tetraphenylethylene radical cation [331]. Although it may be difficult or even impossible
to distinguish between the eCe and eCey, the disproportionation, for which the rate law
is second order in radical cation concentration, is clearly different from the other two
and allowed the conclusion that this mechanism is indeed the most likely. The OCR
technique has also played an important role in studies of the anodic oxidation of 4,4'-
dimethoxystilbene [361] and the reaction of thianthrene radical cation with various
nucleophiles [362].

IX. THE APPLICATION OF ESR SPECTROSCOPY

Since the primary intermediates in organic electrode reactions are usually radical ions or
neutral radicals, the combination of electrochemical equipment with an electron spin
resonance (ESR) spectrometer is a desirable possibility. The major practical problem
encountered in designing an adequate experimental setup arises from the physical restric-
tions imposed on the electrochemical cell by the shape and size of the resonance cavity.
Two different approaches have been taken to meet the requirements. One involves the
formation of the radical species outside the magnetic field in a streaming solution that
carries the electrode products into the ESR cavity. By the other technique the radical
species are formed by electrolysis in a small cell placed directly in the cavity. Both tech-
niques have for many years been used extensively in qualitative and semiquantitative
work, and the design and construction of cells have now reached a high level of sophis-
tication [363-377].

When a flow system is being used in quantitative work, the transport conditions
must be such that the distribution of radicals in the cell can be exactly calculated. This is
most easily obtained when a simple and highly symmetrical cell is employed. A satisfactory
solution to the problem is the use of a cylindrical cell in which a ring electrode was placed
in such a way that the electrode surface was flush with the inner wall of the cell [365]. The
ESR cavity was placed immediately below the electrode. Provided that the flow is suffi-
ciently slow that laminar conditions prevail, the associated transport equations may be
solved and equations relating the intensity of the ESR signal to the flow rate and a kinetic
parameter containing the rate constant may be obtained. It was proposed that rate con-
stants for radical decay, disproportionation, or dimerization, up to 10 M~'s7!, can be
measured using a cell of this type.

A cell (Fig. 54) that allowed the precise control of potential and current was designed
by Goldberg and Bard, who also demonstrated the advantage of combining ESR spectro-
scopy with electrochemical techniques such as CA, CV, and chronopotentiometry [366].
The latter approach was taken in a study of the reduction of cyclooctatetraene (COT) in
which it was demonstrated that the COT radical anion is stable in the presence of tetra-
butylammonium ion, which had been a matter of dispute in previous work [378] (Fig. 55).

Another design for the electrochemical formation of radicals directly in the cavity
involved the flow-through channel cell shown in Fig. 56 [370]. The cell was constructed in
synthetic silica to avoid interference with the microwave field. The flow through this cell
was demonstrated to be laminar up to Reynolds numbers less than 102, which allowed for
the derivation of quantitative relations between the ESR signal, the flow rate, and the
current.
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Figure 54. (a) Electrochemical ESR cell and reservoir assembly and (b) detail of the flat part of the
cell. (From Ref. 366.)

Of particular interest is the recent development of an electrochemical cell (Fig. 57)
that allows for the simultaneous recording of both ESR and UV-Vis spectra of electro-
generated intermediates [374]. This type of cell was used in a study of the initial steps of the
electropolymerization of aniline in acidic DMSO [379].

An important application of combined electrochemistry and ESR spectroscopy is the
characterization and identification of intermediates and products of electrode reactions
[334,336,379-391]. For instance, the ESR technique is particularly useful to measure the
degree of protonation under conditions where the radical ions take part in acid—base
equilibria [380,381]. Such information may be obtained only with difficulty by other
methods, but the coupling pattern of the ESR spectrum may often give the answer directly.
An illustrative example is found in the anodic oxidation of 2.4,6-tri-rert-butylaniline,
which, as expected, gives the radical cation as the initial electrode product [380]. In an
aprotic solvent like MeCN or CH;3NO, the radical cation is stable and the ESR spectrum
observed is in accordance with the reversible one-electron transfer indicated by CV.
However, when the electrolysis is carried out in the presence of diphenylguanidine as a
base, the ESR spectrum changes drastically and can be attributed to the presence of the
neutral free radical formed by deprotonation of the radical cation.

The reductive cleavage of the carbon—halogen bond has been one of the most exten-
sively studied reactions in organic electrochemistry (see Chapter 8). For the reduction of 4-
iodonitrobenzene [392] and 4-chloroacetophenone [393] in the presence of cyanide ion,
ESR evidence has been presented for the ultimate formation of the corresponding 4-
cyanoarene radical anions. These reactions were proposed to proceed via the formation
of aryl radicals trapped by cyanide ion. Additional evidence for this reaction pathway was
gained through a spin trap experiment [390,394-396], by which the postulated aryl radical
was trapped by a-phenyl-N-fert-butylnitrone, resulting in formation of the corresponding
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Figure 55. Cyclic voltammogram of COT in HMPA on a hanging mercury drop electrode (upper-
most curve). Cyclic voltammogram of COT on a 15-cm? amalgamated gold electrode in an ESR cell
(central curve). ESR-potential curve recorded simultaneously with the central curve (lowermost
curve). (From Ref. 378.)

nitroxide. The proposed mechanism thus resembles the Sgyy1 scheme [397]. Another illus-
trative example is the study of the electrochemical reduction of dimethyl benzene-1,3-
dicarboxylates [391], which on a preparative scale proceeds to the monocarboxylate ion
in a 1 F process. However, by application of a combination of CV and ESR spectroscopy
it was possible to show that the radical ions formed primarily dimerize reversibly.
Further examples that illustrate the application of ESR spectroscopy in electrochem-
istry can be found in papers concerning the reduction of phosphonium and ammonium
salts [382], 2,5-diphenyl-1,3,4-oxadiazole [336], and bianthrone [388], the electron transfer

Figure 56. View of a flow-through channel cell (unassembled), showing cover place with electrode
and lead-out wire, channel plate, and one of two PTFE mounting spacers. (From Ref. 370.)
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Figure 57. View of an electrochemical cell for the simultaneous recording of ESR and UV-Vis
spectra (From Ref. 374.)

reactions of a series of Weitz-type systems [383], the formation of radical ions from 1,4-
dimethoxybenzene [334] and bis(2,4,6-tri-tert-butylphenyl)-1,3-diphosphaallene [389], and
the oxidation of Ph;CCOOH [384] and Ph3;COH [385], resulting in the intermediate for-
mation of Ph3;C™, which could be reduced to the ESR-detectable Ph;C radical.

Only a few kinetic studies in which ESR spectroscopy was used to monitor radical
decay have been published [371,373,398—400]. For example, decay curves have been used
to gain kinetic information about the reactions of the radical anions of aliphatic nitro
compounds [371,399] and thienonaphthoquinones [400].

Signal-time behavior of the ESR response following a current pulse has been calcu-
lated by Goldberg and Bard [367] for a number of mechanisms, including first-order
decomposition, radical ion dimerization, and radical ion-substrate coupling, and working
curves from which rate constants can be calculated were presented. Application of this
approach, which is very similar to that taken, for example, in transmission spectroelec-
trochemistry, was demonstrated for the reductive dimerization of a series of activated
olefins (Fig. 58), a reaction that has been studied by a number of different electrochemical
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Figure 58. ESR signal-time dependence for 7.5mM diethyl fumarate. Current pulse time t, = 155,
1 =0.21 mA. (From Ref. 368.)

techniques (see Chapter 21). It was proposed that the major reaction pathway involved the
dimerization of two radical anions. The rate constant for dimethyl fumarate was found to
be equal to 160 =26 M~ s™!, which should be compared with the value obtained by other
techniques: RRDE, 110£20M~'s™'; double potential-step chronocoulometry,
117+ 6M7's™': and CV, 160 =40 M~!s~'. Thus, it can be concluded that ESR spectro-
scopy combined with electrochemical techniques provided results in satisfactory agree-
ment with those obtained by other methods.
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Chemical reaction, like politics, is the art of the possible; electrochemical reaction, like
military tactics, is the art of overriding the impossible by applying electrical force.
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1. INTRODUCTION

In Chapter 1, our presentation of electrochemical concepts was focused mainly on the
specific aspects related to the electrode and to the solution in its close vicinity. Indeed, as
soon as kinetics is considered, the bulk solution may often be regarded as a concentra-
tion buffer whose only role is to maintain constant or known reactant concentrations at
the external diffusion layer boundary. Obviously this is not the case when preparative
electrochemistry is considered. Indeed, the goal is then to change the solution composi-
tion. Yet this composition change is effected through the relay of the diffusion layer,
which “transmits” the modifications achieved at the electrode to the bulk solution. Since
chemical reactions may take place within the diffusion layer, as discussed in Chapter 1,
the way the bulk solution is affected depends largely on the microphenomena occurring
in the thin solution layer (5-20 um, usually) adjacent to the electrode. This results in an
extensive coupling between micro- and macrophenomena at electrodes, which is one of
the reasons why kinetics, the study of microelectrolysis phenomena, is so developed in
electrochemistry.
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Yet these important relations should not conceal the large differences between
micro- and macroelectrolysis. These differences, which were discussed briefly in Chapter
1, have their main origin in the necessity of passing a current through the solution between
the working and auxiliary (or counter) electrodes. Obviously, the ensuing problems are
quite different when one considers currents in the microampere (or even nanoampere for
ultramicroelectrodes) range or in the ampere range as in macroscale laboratory electro-
lysis.* Other changes are also introduced that originate from the differences in dilution.
Under microelectrolytic conditions very dilute (usually 0.1-10 mM) solutions are consid-
ered. Thus activities and diffusion coefficients, for example, are close to their values at
infinite dilution. This is not the case in macroelectrolysis since rather concentrated solu-
tions are used. This may introduce large changes in mass transfer rates as well as in
chemical reactivity, and also in such specific factors such as migration [2]. These changes
in concentration, as well as the larger current densities and electrolysis times, may also
result in an increased importance of adsorption, coatings, or pollution phenomena at the
electrodes. This is particularly true in aqueous media in which adsorption or chemisorp-
tion may play a decisive role in the distribution and selectivity of the products as a
function of the electrode material.

As understood from this discussion it is generally unrealistic to believe that micro-
electrolytic results transpose exactly to macroelectrolytic conditions.t However, provided
one keeps these difficulties in mind, microelectrolysis results and approaches constitute
extremely useful guides in tackling macroscale electrolysis. Amazingly, data obtained at
ultramicroelectrodes (i.e., of micrometric or smaller dimensions) should transpose with the
least difficulty since they may be obtained with concentration or current density (a few
amperes per square centimeter) conditions matching those found in preparative-scale
electrolysis. Moreover, they allow meaningful results to be obtained in the presence of
strong migrational contributions [3.4].

Il. BASIC PRINCIPLES
A. Homogeneous Chemical Equivalent of Electrolysis Rates

As explained in Chapter 1, the bulk concentrations are affected by the phenomena occur-
ring within the diffusion layer (which is identified, in this chapter, with the stagnant layer
imposed by hydrodynamics) through the general relationship in Eq. (1):

dC __DA (i) (dC O
dt — V \x/,_s \dt/) g em

This equation derives from the conservation of mass fluxes at the diffusion layer/bulk
solution interface [compare Eqgs. (155) and (156) in Chapter 1 and Fig. 1]. In Eq. (1), dC/dt
is the overall rate of the concentration variations considered, whereas (dC/dt)qpen, is that
arising from possible consumption or production of the species within the bulk solution.
The electrochemical rate of production or consumption is given by the first term on the

“Note that in the following we do not discuss the ultraspecific aspects of industrial-scale electrolysis,
which generally cannot be dissociated from a particular process [1].
But this is not particular to electrochemistry, since most of the above difficulties (with the exception
of those related to the current) are encountered when transferring any physical organic result to
preparative conditions.
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Figure 1. Schematic representation of the electrochemical cell. First insert: concentration profile of
the reactant in the stagnant layer in the vicinity of the electrode. Second insert: mass transfer “black
box’ at the boundary between the stagnant layer and the bulk solution (x = §).

right-hand side of Eq. (1). It depends on the concentration gradient of the species at the
end of the diffusion layer, that is, at x = 8, as well as on the ratio of the electrode surface
area to the solution volume, A/V. The larger the absolute value of this rate, the smaller the
duration of the electrolysis, which is the reason that generally large electrode surface areas
and high stirring rates (i.e., small stagnant layer thickness) are used for electrolysis.

Note that in Eq. (1), a single space coordinate is considered, x, the distance normal to
the electrode. This necessarily implies that all electrode locations behave identically. In
practice this may be approximated by using symmetrical electrode geometries, with the
auxiliary electrode (or separator in divided cells) parallel and of nearly identical size to
that of the working electrode (see Chapter 5). This results in a “‘concentration field” as
uniform as possible at the electrode surface(s). Note that this field is conveniently visua-
lized when thinking in terms of the electrostatic field that would establish if the electrodes
were those of a large capacitor, since both fields obey analogous laws [5]. However, in
practice, ideal electrochemical geometries are only with difficulty compatible with other
experimental constraints, so that the potential and current distribution at electrode sur-
faces may not be uniform. This is also true for the thickness of the stagnant layer since a
uniform fluid velocity is difficult to achieve at the electrode surface. For these reasons, the
first term on the right-hand side of Eq. (1) is merely considered as resulting from an
averaging over the electrode surface; this is also true for the “electrode potential” E or
the “‘electrode current density”’ i/A. Nevertheless, to maintain some generality and sim-
plicity in the following presentation, we assume that the concentration profiles depend
only on the distance x from the electrode surface.

The problem is then to relate the concentration gradient (3C/9x),_s at the stagnant
layer boundary to that (3C/9x),_, at the electrode surface (compare Fig. 1). This is done
via the integration of the differential equations, such as Eq. (175) in Chapter 1, which
control the concentration profiles within the stagnant layer. In the most simple situation,
the species whose bulk concentration is given in Eq. (1) undergoes no chemical reaction
within the stagnant layer. Then from Eq. (175) (Chapter 1), its concentration flux is
constant within the layer, and thus (8C/3x),_s = (3C/0x),—o = (C — Cy—9)/8, where C,_g



186 Amatore

is the concentration of the species at the electrode surface. Thus Eq. (1) is transformed into

Eq. (2),
dC DA dC
B — —_ 2
dt Vs (€= Co)+ (dt )Chem 2)

where the constant factor DA/V3 has the dimensions of a first-order rate constant (s).
Most of the time one is interested in exhaustive electrolysis and thus imposes an electrode
potential so that C,_, = 0, which in most cases simplifies Eq. (2) to Eq. (3) for the
reactant.

dC DA dC
E - _WC * (E)chem (3)

Interestingly, under such circumstances the electrochemical consumption of the species is
equivalent to a pseudo-first-order chemical reaction taking place into the bulk solution,
with a rate constant k.. in Eq. (4) [6].

DA
Kejee = Vs “)

Note that it may be surprising that a chemical term is considered in Eq. (3), whereas we
have supposed that no chemical reaction term was involved within the stagnant layer. As
explained in Chapter 1, this stems from the fact that the effect of any chemical reaction
within the diffusion layer depends on the relative magnitude of ké? /D versus unity. For
usual laboratory conditions, § = 10 cm and D~ 5 x 107%cm?s™" and then 82/D is of
the order of 0.2 s. Thus, provided k is less than approximately 1 s~ it has no tangible effect
on the concentration profiles of the species, whereas it has a definite effect in the bulk
solution due to the long reaction times (usually longer or comparable to half an hour). In
practice it is important to decide when the simplification in Eq. (2) or (3) applies to a given
experimental situation. The discussion just presented affords a simple answer to the
problem. Indeed, consider the electron transfer reaction in Eq. (5). possibly followed by
a chemical step in Eq. (6).

R+ne=P (E° ®)

P—P (k) (6)

The simplification in Egs. (2) and (3) is equivalent to saying that k is much smaller than the
mass transfer rate D/8, which is of the order of 5s~!. From Chapter 1, this implies that
the R/P redox couple gives a chemically reversible cyclic voltammogram at a scan rate
corresponding to the same mass transfer rate. From a dimensionless analysis and Table 5
in Chapter 1, this corresponds to a scan rate v such as Fv/RT ~ D/82, that is, v of the
order 0.1 Vs™!. Thus, observation for identical or close experimental conditions of a
chemically reversible cyclic voltammogram at v &~ 0.1 Vs~ for the redox couple of interest
is sufficient to prove the validity of the assumptions leading to the homogeneous equiva-
lent rate laws in Egs. (7) and (8),

d[R
_([ﬂ_] = —Keree[R] )

d[P] o]
T - +kelec[R] + (_dt—>chem (8)
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with k... given in Eq. (4). In the converse situation, this is, when a totally irreversible
cyclic voltammogram is observed, Eq. (7) still applies for R, which is not chemically
affected in the sequence considered, but Eq. (8) does not reflect the variations in the
bulk concentration of the product P [7]. Indeed, the observation of a chemically irrever-
sible cyclic voltammogram shows that P is too short-lived to have any possibility of
escaping that stagnant layer. However, because of mass conservation within the stagnant
layer, the outgoing flux of P’, the product of chemical reaction of P in Eq. (6), is identical
to the incoming flux of R. Equation (8) is then replaced by [P] & 0, and Eq. (9) results,
which is tantamount to the steady-state approximation in homogeneous chemistry:
’

El% = +kelec[R] )]

From this analysis and presentation it is seen that when single chemical pathways are
followed, that is, when no competitive route interferes in the reaction of intermediate(s)
within the diffusion layer, the electrolysis affects the different bulk concentrations in a way
similar to a first-order chemical reaction, as outlined in Scheme 1. This analogy affords an
extremely simple way to handle the various problems that may arise during electrolysis.
Indeed, they then become exactly identical to those that would be observed for homo-
geneous chemistry, that is, as if the R/P redox reaction were performed using a homo-
geneous redox reagent in excess.

k
Bulk : Rypye =—=-- g Pyyg———> etc.
Stagnant layer :
Electrode : R,_,tne —>P _,

Scheme 1

B. Coulometry: Apparent Number of Electrons Consumed

In the preceding section we have presented the analogy that exists between electrolysis and
homogeneous chemistry in terms of an equivalent rate constant kg, = DA/V4. Yet it may
be surprising that this rate constant does not include a term related to the current.
However, the current corresponds to a number of moles consumed per unit of time,
that is, to an instantaneous rate, and therefore not to a rate constant. From the description
outlined in Scheme 1 and Eq. (141) in Chapter 1, the current exchanged at the electrode at
any time is given in Eq. (10):

i= nFAD(ﬂR—]) = —nFAD(ill]) (10)
ax A=0 0x x=0

When R undergoes no significant chemical reaction within the diffusion layer, its concen-
tration profile is linear, as established previously, and Eq. (10) is rewritten as in Eq. (11):
. nFAD
1=

—T"([R]bulk — [Rlx=p) (1)

Again, when one considers the most frequent situation in which the electrode potential is
such as [R],_o, = 0, Eq. (12) is finally obtained:
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. nFAD
1=— [RIbui (12)

Comparison to the definition of k.. [Eq. (4)] affords the relationship in Eq. (13)
between the instantaneous current and the equivalent rate of electrolysis [6].

1= nFVKeec[R]puik (13)

Note that Egs. (12) and (13) are independent of the eventual chemical fate of R or P in the
bulk solution but suppose only that R undergoes no chemical reaction within the stagnant
layer.

The overall quantity of electricity Q, consumed after a duration t of electrolysis is
given by the integration versus time of Eq. (13), which affords Eq. (14):

t

t
Q= | idt = nF Vi | Rt (14)
0

In Eq. (14), [R]puy is obtained as a function of time in Eq. (15), which follows directly from
Eq. (3).
d[R]b Ik d[R]bulk
— > = —KeteelRlpu + | = (15)
dt ° . dt chem

When the last term in Eq. (15) is negligible, R is consumed only at the electrode.
Thus the charge consumption is easily obtained by considering that each mole of R
converted consumes nF coulombs, that is, Q, is given in Eq. (16), where C° is the initial
bulk concentration of R.

Q= nFV(C® — [Rlpu) (16)
On the other hand, from Eq. (15), [R],,x decays exponentially with time as in Eq. (17):
[R ]y = Coe ! (17)

At the end of electrolysis, that is, for t 3> 1/k.., one obtains the overall charge consump-
tion in Eq. (18). In practice, Eq. (18) allows the experimental determination of n, the
number of electrons consumed per molecule of R, as in Eq. (19):

Q = nFVv(® (18)
_Q
' CFV >

But when experimentally possible, one does not proceed from Eq. (19), because when the
R concentration becomes small, that is, near the end of electrolysis, residual currents
arising from other electroactive species may contribute significantly to the current and
then alter the charge measured. It is then preferable to rely on the plot of Q versus [R]yy..
according to Eq. (16). Thus a linear plot should be obtained as in Fig. 2a, in which
extrapolation at [R]y, = 0 allows a more accurate value of Q to be determined. Note
that the ensuing value of n should be identical to that determined from transient or steady-
state methods.

However, it happens frequently that the two figures do not agree, which is a proof
that the chemical term in Eq. (15) is not negligible in preparative-scale electrolysis. Indeed,
when the latter is positive, that is, corresponds to a production of R in the bulk solution,
as by a regenerating sequence as in Eq. (20),
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Figure 2. Variations in the bulk concentration of the reactant as a function of the charge con-
sumed: (a) in the absence or (b) in the presence of chemical reaction(s) consuming (I) or regenerating
(1I) the electrolyzed species (initial concentration of the reactant C°).

R+ne—P stagnant layer

2
P+Z7Z — R+--- bulk solution (20)

the instant R concentration is larger than predicted by Eq. (17). From Eq. (14) it is seen
that Q is then larger than determined via Eq. (18), which results in a larger number of
electrons consumed n,, during the electrolysis, when compared with the net electron
exchange n at the electrode identified in microelectrolysis.

Conversely, when R is consumed in the bulk solution, Q and therefore n,, are smaller than
predicted in Eqs. (18) and (19).

A typical example of such behavior is given by the reduction of pyrylium cations.
Under steady state or moderate-scan cyclic voltammetry, their reduction involves the net
consumption of one electron per molecule, which corresponds to the fast radical dimer-
ization in Eq. (23).

2n

Ph Ph
g @ ve— ¢ . 22)
Ph Ph
Ph Ph

> d . 0 tkaw 23)
Ph Ph

The corresponding rate constant kg, close to the diffusion limit, has been deter-
mined in acetonitrile using ultrafast cyclic volammetry in the low million volts per second
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[8a]. However, bulk electrolysis and coulometries indicate an overall consumption of 2/3
electrons. This was shown to correspond to the involvement of the slow hydride transfer
sequence outlined in reactions (24) and (25) [9].

Ph Ph Ph Ph
o + 0 (24)

Ph Ph

0 + pr (25

Ph Ph Ph

Reaction (24) is too slow to be detected in cyclic voltammetry, yet it takes place during the
electrolysis to afford finally a 4H-pyran and a bipyranylidene as summarized in the
balanced Eq. (26).

Ph Ph
3 o@ +2e+B —> O + 0 +BH (26)
Ph Ph

Thus three pyrylium molecules are consumed for only two electrons exchanged, resulting
in n,, =2/3.

In this discussion we have considered the involvement of a slow follow-up reaction of
the reactant as a cause for the difference between n and n,p. Yet this is not the only
situation possible. In most cases such disagreements are due to the involvement of an
ECE kind of sequence such as that featured in Eqgs. (27) through (29),

R +ne — P (E°) 27
p D

P—R (slow Versus 55) (28)

R'4+ne — P’ (E°) (29)

as well as to their homogeneous analogs in which the heterogeneous electron transfer is
replaced by a homogeneous electron transfer (disproportionation sequences). When the
interposed chemical step or the disproportionation is slow enough to make no contribu-
tion within the diffusion layer, the apparent number of electrons observed in microelec-
trolysis is n, that is, reflects the redox process in Eq. (27). However, the chemical step may
be sufficiently rapid when compared with the electrolysis duration to convert quantita-
tively the primary product P into R’. Thus, provided that n(E® — E°) > 0, R’ is coelec-
trolyzed and the apparent number of electrons exchanged is n,, =n +n’. The absolute
value of n,, may then be larger than that of n when both have the same sign. or smaller
when of opposite signs. Similarly, slow disproportionation reactions pulled by a fast
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protonation step, for example, may affect the n,, value, as outlined in the following
sequence:

R+ne—P
2P=R+P’
P+7Z—---

These examples illustrate some of the difficulties that may be encountered when
comparing the numbers of electrons exchanged in micro- or macroscale electrolysis. In
a few instances these chemical complications may be detected by important curvatures of
the Q versus [R], plots as sketched in Fig. 2b. Such curvatures are observed when the
degree of involvement of the follow-up chemical steps increases during electrolysis. Indeed,
because of concentration effects the effective rate of the chemical step may be slow at the
beginning of the electrolysis, and thus a slope corresponding to n,, =n is observed.
However, when the pertinent concentrations of intermediates increase, the rate of their
chemical reaction may become sufficient so that the intermediates reach steady-state
behavior, which results in a tendency to reach a slope corresponding to n,, =n+n’
while electrolysis progresses. Yet this supposes that the degree of participation changes
during the electrolysis, which obviously is not a general fact. Thus the absence of curvature
in the Q versus [R},, plots cannot be taken as evidence of no chemical complication, that
is, of the fact that n = n,,. This is important to remember when using coulometric results,
that is, n,, values, in the rationalization of electrochemical mechanisms.

C. Separation of Waves and Selectivity in Electrolysis

It is often alleged that the fine-tuning of electrode potential allows high selectivity in
electrolysis. This is certainly true for a wide variety of electrochemical situations but
may turn out totally inexact in others, as is shown in the following discussion. Indeed,
let us consider from steady-state or transient electrochemical data two successive reduction
waves* at E; an E, for a compound involving two reduction sites A and R: A-R. Let us
assume, in addition, that electrolysis of related molecules, but without the R center, is
known to occur at potentials lying in the same range where the first wave is observed. Thus
an “‘evident™ rationalization of the observed waves consists in ascribing them to the
successive reductions in Egs. (30) and (31):

A—R+e— A—R—---—>B—-R (k) first wave (30)

B—-R+e—B—R" —--.—> B—P (k;) second wave 31

When the lifetime of the anion radical formed upon the electron transfer in step (30) is
extremely short, the mechanism in Eqgs. (30) and (31) is certainly valid and the electrolysis
product obtained at E = E; is B— R. Yet when this is not the case, a combination of A —
P and B — R products may be obtained although the electrolysis is performed at the first
wave [11,12]. Indeed, an alternative route is now offered to the "A — R anion radical
formed in Eq. (30), which involves a possible intra- or intermolecular electron transfer
to the R site to afford the A — R™ anion radical.

“Transposition to oxidations is obvious, so that the discussion hereafter is developed only for a
cathodic process.
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"A—R=A—-R"—---—>A—-P (32)

If the latter is not highly unstable, a back electron transfer occurs to regenerate the "A — R
anion radical. In the converse situation, A — R™ may evolve directly to the A — P product,
which corresponds to the overall reduction of the R moiety although the first electron
transfer has occurred at the A group. The observed phenomenon is thus tantamount to
indirect electrolysis [13], where the A group plays the role of an intramolecular electron
mediator for the reduction of the R group. Although not explicitly recognized as such, this
is the case for the reduction of aromatic halides, for example, since the initial electron is
transferred to the aromatic ring and then internally transferred to the carbon-halogen
antibonding orbital, resulting finally in the overall reduction of the carbon—halogen bond.

In such situations the exact nature of the B — R or A — P product obtained depends
on the relative chemical stabilities of the A~ and R™ moieties [rate constants k; and k, in
Eqgs. (30) and (31)], as well as on the difference between the standard reduction potentials
of the two groups, as explained later. Indeed, in a general case, one must consider that the
mechanism occurring at the first reduction wave is not as in Eq. (30) but may involve the
sequence in Egs. (33) through (35).

A—R+e —> A—R (33)

yv. . e——»B—R (34)
K
\A_R._.k.z.ﬂ_l, (35)

When the homogeneous electron transfer is sufficiently fast to be equilibrated (with an
equilibrium constant K), the formation rate constant of A — P product is k,K when
related to "A — R.

[B - R]yxeld kl

7 “hyield 36
[A —Plpea koK o
[B — Rljiea  ki(k, + k) (37)

[A - P]yield - kaf

Thus the relative yields of the B— R and A — P products are given in Eq. (36), and, it is
noteworthy, are independent of the electrode potential. In a more general case, the for-
ward k¢ and backward k;, rate constants of the homogeneous electron transfer must be
considered, and the relative yields are given in Eq. (37)* and are again independent of the
electrode potential. provided it is kept on the first wave.

“Note that in Eq. (37), k; and ki, may include a concentration term when the homogeneous electron
transfer is bimolecular as in Eq. (38):

-A—-R+A-R=A-R+A-R- (38)
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lil. COMPETITIVE REACTION SCHEMES: OPTIMIZATION OF PREPARATIVE-
SCALE ELECTROLYSIS

A. Slow Reaction Schemes

In electrochemistry, as in other chemical methods, situations in which a single product is
obtained are seldom encountered. In most experimental cases the target product is often
accompanied by unwanted side products formed along competitive pathways. Under such
conditions, optimization of the target product yield is obviously desirable. Frequently this
optimization is sought on the basis of chemical intuition and of “blind tests” of sup-
posedly critical parameters. Yet is difficult to be certain (except when a 100% yield is
obtained!) that the best yield obtained is the maximum. In the following we want to show
that semiquantitative predictions can be made on the basis of very simple considerations.
The goal of these approaches is not to replace the necessary tests, but to provide useful
guidelines for the selection of the parameters that affect the yield of the target product.

From the preceding presentation it is easily inferred that different behaviors are
obtained when the “key species,” that is, that at which the different chemical routes are
branched, exists only within the stagnant layer or exists in the bulk solution, as schema-
tized in Fig. 3. In the latter case, the competition problem is analogous to the homoge-
neous chemical situation, owing to the equivalences established previously. For example,
let us consider a reaction sequence like that in Fig. 3 (case a or b):

A+e —>B (B9 (39)
B—>C (k) (40)
_/ P (k) (41)

C

=

TUR, (BYE) (42)

For a potentiostatic electrolysis on the plateau of the A/B reduction wave, the
reaction sequence in Egs. (39) through (42) is equivalent to the homogeneous mechanism
in Eqs. (43) through (46), where k. = DA/VS:

A—>B  (kgeo) (43)
B—>C (k) (44)
P, (k) 45
s 45)
\ P, (kelec) (46)

Thus, the yield of species P; vis-a-vis P, is simply expressed as in Eq. (47).

[Pl ]yield k2

= 47)
[Pl]yxcld + [PZ]yleld k2 + kelcc (

From Eq. (47) it is easily seen that maximizing the yield of P; amounts to decreasing the
ratio kgec/k». that is, of DA/V38k,. Thus it obviously follows that one must decrease the
electrode surface area and the stirring rate (i.e., increase §), increase the bulk solution
volume, and when possible, increase k,. The opposite changes are needed when the target
compound is P,. Similarly, when B is the compound sought, one wants kg, > k;, that is,
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A+e::B—>C:—:>

(a)

(b)

(c)

(d)

Figure 3. Schematic representation of the localization of the “branching point™ for an ECC
competitive sequence and resulting concentration profiles for (—) A, (- - -) B. and (--+) C. (a, b)
Slow production of the intermediate “key species™; (c) fast production of the key species; (d) reaction
in the adsorbed phase.

a large surface area for the electrode, small bulk solution volume, and high stirring rates
(small §).

Thus, owing to the equivalent homogeneous formulation, there are no specific par-
ticularities associated with optimization in electrochemistry, as soon as the branching
point takes place in the bulk solution. As explained earlier, this is generally easy to decide
on the basis of cyclic voltammograms of the system of interest.

Conversely, when the key species exists only in a thin reaction layer adjacent to the
electrode (case ¢ in Fig. 3), the degree of competition between the various routes is greatly
influenced by the local concentration profiles of the different species involved. In such
cases, general theories have been established that allow a complete and quantitative
description of the optimization procedure. However, in the following we want to present
a very simple approach to the problem.*

*Note that case d in Fig. 3, which relates to surface reactions between adsorbed or chemisorbed
species, is not considered here because of the too specific nature of the electrode—species interactions
involved.
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B. An Elementary Method for Fast Competitive Kinetics

1. Presentation of the Method

All the results presented in the following discussion derive from the simple consideration*
that when a species is involved in a branched kinetic scheme, the major pathway is the
fastest; that is, the main product is that formed according to the pathway corresponding to
the highest rate of consumption of the key species.

On the other hand, when the key species is formed at a given rate, the faster its
consumption, the smaller its concentration. Taking into account these two obvious state-
ments leads to the following conclusion: When two or more pathways compete for the
consumption of a given species, the major pathway is that leading to the smallest con-
centration of this species, when each pathway is considered alone under identical experi-
mental conditions.

When two competing mechanisms are considered, for example, a competition para-
meter may thus be defined as the ratio of the average concentration of the key species
obtained when each of these mechanisms is considered alone. Let us denote by C; and C,
the corresponding concentrations for mechanisms 1 and 2 in Scheme 2, when they do not
interfere. The competition parameter p = C,;/C, is then such that p « 1 favors the occur-
rence of mechanism 1 as the main pathway since this condition corresponds to C; « C,,
whereas mechanism 2 is observed when p >> 1. In the general case the dependence of both
C, and C, on the experimental conditions (concentrations of the reactants and of the
coreactants, stirring rate, and so on) and intrinsic factors (rate constants and diffusion
coefficients, for example) may be determined, thus leading to the expression of p as a
function of these factors. The effects of the latter on the overall product distribution are
then readily given with the direction and magnitude included in the p expression.

etc.

Mechanian

Mechanism\’l\

etc.

Scheme 2

Table 1 gives the average concentrations to be used for the various intermediates
involved in the most basic schemes of electrochemical mechanisms{ which may allow the
simple derivation of the competition parameters p for most of the possible experimental
situations.

In the preceding discussion we have considered for simplicity that only two pathways
were possible for the key species. Thus a single parameter p is defined. However, when
more routes are branched for the same species, the situation is a priori more difficult to
handle. For three competitive routes, for example, Table 1 affords three concentrations
C,. C,, and C;, and thus three parameters p; = C,/C,, p, = C,/C;, and p; = C,/C; are
defined, which are all affected by the experimental and intrinsic parameters. Thus it is a

“Yet they are based and supported by a rigorous physicomathematical analysis. See, for example,
Refs. 7a and 14-20.
Note that each of the reactions presented in Table 1 may consist of true elemental reactions or of a
kinetically equivalent series of elemental steps.
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Table 1 *“Average Concentrations™ of the Different Intermediates Involved in the Main
Electrochemical Mechanisms®®

b

Mechanism Scheme Average concentration®

EC A+ne=38 [B] = C°/(k9)'>
B, ¢ [C] = C°

ECE A+ne=3B [B] = C%/(k9)/?
BX, [C] = C" (ko)
C+ne—D D] =C°

DISP A+ne=3B [B] = C°/(2k8)'/*
B, ¢ [C] = k/kq
B+CXL A4D D] = C°

ECC A+ne=3B [B] = C°/(k,6)"/*
BYL ¢ (€] = (C/k)(k, /)7
ck, p D] =C°

Dim 1 A+ne=B [B] = C*/3(3/4k0)/?
NG [C1=C"/2

Dim 2 (ECE) A+ne=B [B] = C*/3/(kp)'/*
B+AL C [C] = C** (ko))"
C+ne—D [D]=C°/2

Dim 2 (DISP) A+ne=B [B] = C*//(2k)'
B+AL C [C] = (kC*)* /(ky6")
B+CXe, A4D [D]=C"/2

Dim 3 (DISP) A+ne=3B [B] = (3C°/4kK9)"/?
B+A=C K[ [C] = C’K[B]
B+CX, A1D [D]=C%/2

ECDim A+ne=3B [B] = C°/(k,6)'/*
B, ¢ [C] = (C°/2ks) (K, /6)!*
ek, p [D]=C"/2

*The concentrations are given for an electrolysis on the plateau of the A/B wave. C°, bulk concentration of A;

6 =4§/D.

bUsual names, or taken from the nomenclature developed in Savéant’s group.

“These concentrations are valid provided each resulting figure is lower than approximately C°/10 (except for the

final product).

9Rapid equilibrium; K, equilibrium constant.
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priori difficult to appreciate the effect resulting of the variation of one of the experimental
parameters on the overall competition. Yet it is first noticed that the consideration of only
two parameters suffices to describe the competition since they are all given by ratios or
products of the two others, as p; = p,/p;. Thus a convenient presentation of the competi-
tion problem consists in the construction of a diagram in which log p, is the ordinate axis
and logp, is the abscissa axis, as in Fig. 4. In such a diagram, “kinetic zones” correspond-
ing to the predominance of one of the three possible mechanisms may be defined in a
similar way as “thermodynamic stability zones™ corresponding to the predominance of a
species are defined, for example, as a function of the solution potential and pH (Chapter
1). Thus mechanism 1, which corresponds to p; < 1 and p, « 1, is located in the lower
left corner of Fig. 4, that is, logp; < 0 and logp, < 0. Mechanism 2 is observed for p; > 1
and p; = p,/p; < 1, and its kinetic zone is then such that logp, > 0 and logp, > logp,.
Similarly, the kinetic zone corresponding to the predominance of mechanism 3 is such that
p; > 1 and p, > 1, that is, logp, > 0 and logp, > logp,. Then three boundary lines
delimiting the zone of predominance of each mechanism are constructed in Fig. 4. Near
one of these boundaries the two delimited mechanisms compete without interference from
the third. The general competition, that is, that involving the three mechanisms, is
observed near the intersection of the three boundary lines in the central region of Fig.
4. When such a diagram has been constructed, the effect of each experimental parameter is
easily seen by construction of a ‘“‘compass card,” such as that shown in the upper right
corner of Fig. 4. For example, let us assume that p; « C082/Cy and p, &« C°C,/5. Thus a
multiplication of § by 10, for example, results in an increase of 2 in log p, and a decrease by
1 in logp,. A vector corresponding to the “§ effect” can then be constructed in the
diagram, which has a projection —1 in the abscissa and +2 in the ordinate. Similarly,
other vectors can be drawn for C°, C,. and C, to constitute the compass card shown in the
upper right corner of Fig. 4. Such a compass allows easy visualization of the effect of any
variation in the experimental parameters. For example, it is seen in Fig. 4 that when the
system is at point A, an increase in § results in a trend to shift from mechanism 3 to
mechanism 2, whereas the same variation results in a tendency to pass from mechanism 3

| 109 pg

2
N
\

\‘ \
0 A \
\_\ A
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\\ 3
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B Tog py
0

Figure 4. Kinetic zone diagram and corresponding “compass card” for a competition between
three hypothetical mechanisms, as discussed in the text.



Table 2 Competition Parameters for an ECDim/ECE/DISP Competing Sequence

Average concentration of Ar?

Competition parameter

Major pathway?

Mechanism [Ar]>¢ Sequence Competition parameter p K1 P> 1

ECDim (C°/2kgm) (ke /0)'* ECDim/ECE p1 = (A1 )pcpum /(AT dece ECDim ECE
Py = K6 /(2K C)'7?

ECE C/(k0)'* ECDim/DISP P> = (A1 )pcoum/(AR pisp ECDim DISP
ph = deOI/Z/k?/4(2kdlm)1/291/4

DISP K, /kq DISP/ECE Py = (A1 )pisp/(AT EcE DISP ECE
p: =p1/P2

#Taken from Table 1.

®k,, rate constant of the aromatic halide anion cleavage; kq,,, dimerization rate constant of the o-aryl radicals; k4. homogeneous electron transfer rate constant (usually

kq = kg, the diffusion-controlled rate constant).

<C®, ArX bulk concentration: 6 = §°/D.

4 Both pathways are observed when the value of p, is close to unity (i.e., when ~ 0.1 < p, < 10).

861

al0lBWY
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to 1 when starting from location B or from mechanism 1 to 2 when starting from point C.
Such different effects induced by the same experimental variation would have been puz-
zling and difficult to rationalize, whereas they are easily understood from the kinetic zone
diagram and its associated compass card. Similarly, a compass card showing the effect of
each intrinsic parameter may be constructed.

In the following discussion we want to show how this simple method may be used in
practical situations, either to rationalize a series of results or to decide a priori the worthi-
ness of an experimental strategy. To maintain some homogeneity in the presentation, the
two aspects are discussed on the basis of examples pertaining to the electrochemistry of
aryl halides.

2. Predictive Value of the Method

This aspect is developed by addressing the following question: Is there any chance that
biaryls may be formed, via aryl radical dimerization, during the reductive electrolysis of
aryl halides?

The reduction of aryl halides is known [21] to afford a frangible anion radical ArX~,
which yields a o-aryl radical by cleaving off the halide ion in Eq. (49).

ArC +e — ArX® (E°) (48)

ArX " — Ar+X™ (ky) (49)

Although these o-aryl radicals are prone to undergo a facile reduction at the electrode [Eq.
(50)] or in solution as in Eq. (51), one may think of the possibility of impeding these
normal pathways to favor their radical dimerization [Eqgs. (48), (49), and (53)].

Ar +e — Ar~ (E°’ > E°) (50)
Ar + ArXT — Ar” +ArX  (kgp) (51)
Ar” +BH —ArH + B~ (52)
2 Ar —> Ar — Ar (Kgim) (53)

Indeed, the dimerization of these o radicals is expected to be extremely fast and possibly
close to diffusion control. Then owing to its bimolecular nature, a concentration effect
should favor this step vis-a-vis the reduction at the electrode. On the other hand, increas-
ing the rate of the anion radical cleavage in Eq. (49) should decrease its concentration with
a concomitant increase in the radical concentration, both effects being in favor of the
duplicating step.*

The average concentrations for the key species Ar to be used in the following
analysis are obtained from Table 1, where the role of Ar is symbolized by C in the
three competing sequences: ECE [Eqs. (48) through (50) and (52)], DISP [Egs. (48),
(49), (51), and (52)]. and ECDim [Egs. (48), (49), and (53)]. This allows the three competi-
tion parameters to be obtained as in Table 2: p; = (ECDim/ECE), p, = (ECDim/DISP),
and p; = (p,/p,) = (DISP/ECE) from the ratios of the respective average concentrations.
Following this procedure, a kinetic zone diagram and a compass card are then constructed

"Note that Ar" is prone to undergo other facile reaction paths (see later). The concurrent routes in
Egs. (50) through (52) then constitute the minimal competitive sequence to be considered.
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Figure 5. Kinetic zone diagram for an ECDim/ECE/DISP competitive sequence [see text. Egs.
(48) through (53), and Table 2 for definitions of p,. p.. and ps; note that for the example discussed in
the text kg = kq,¢]. The hatched zone in b corresponds to the region without experimental validity.

in Fig. 5a. Such a diagram shows that these considerations on the effect of C° or of the
cleavage rate constant k; of ArX™ are valid only when the point representing the system is
in the ECE zone (C° effect) or in the DISP zone (k,; effect). When starting from and
ECDim zone, however, an increase in C° results in a tendency to shift toward the DISP
zone and an increase in k; favors reduction via an ECE mechanism. The concentration
effect is difficult to predict on an intuitive basis, yet that of k; could have been intuitively
guessed. Indeed, when k; increases, Ar is produced closer and closer to the electrode
surface and then has less and less possibility to dimerize before reaching the electrode
to be reduced. As for C°, the effect of the mass transfer rate (i.e., of 6 = 82/D in the
compass card) was almost impossible to predict on an intuitive basis.

To illustrate a further useful aspect of the method, let us discuss the experimental
validity of the ECDim zone in Fig. Sa. Indeed, the representation in Fig. 5a supposes that
any values are possible for p; and p,. Yet in an actual case this is not true since the product
p1P2 = kairr/2kgim 1S necessarily larger than 1/2 because kg, cannot exceed the diffusion
limit kg;. This implies that the hatched zone in Fig. 5b, which corresponds to p;p, < 0.5,
has no experimental validity. Thus, no system can be located in this zone regardless of the
values of the experimental (C°, 6, and §) or intrinsic parameters (D, kg, Kgim> OF ky); this
shows that almost all the ECDim zone has no experimental significance. Although this
method does not allow the maximum yield of biaryl to be determined, it leads to the
conclusion that it is necessarily poor and requires extremely precise conditions to be
achieved. A complete and accurate analysis [17] of the problem establishes that this max-
imum yield is of the order of 10-20% at best, which is in complete agreement with the
maximum experimental yields in the range of 7%.

However, this does not mean that biaryls cannot be obtained via aryl halide reduc-
tion but only that this strategy is not experimentally valid as soon as Ar" is more easily
reducible than the parent halide. Yet other approaches to the synthetic problem may be
found. An obvious one consists in suppressing the facile reductions of Ar" by using an
electrophore as the leaving group X™, which will be the site of the initial electron uptake
[Eq. (48)]. Ar may not then be reducible at the reduction potential of the parent pseudo-
halide, as in reaction (54), which is shown in benzylic series [22].
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Ar,CHS @ NO, + e —> Ar,CHS @ NOj; — Ar,CH' — dimers (54)

Another approach consists, for example, in using an ArX or a coreactant Ar'X,
prone to react with Ar' via the Ullman kind of reaction in Eq. (55) [23,24]:

Ar +ArX — [Ar — ArX] — .- (55)

Naturally, each of these possible approaches, as well as many others that may be con-
ceived, may be tested “on paper” following this method to decide its possible validity and
the best experimental conditions to favor it. For example, application of this “on paper”
strategy shows that only moderate yields are obtained for the process in Eq. (56) when
directly reducing the aryl halide at the electrode, whereas interesting yields (i.e., from 80 to
70%) are possible by using a redox mediator for performing the initial ArX reduction
[24c¢]:

Ar
Ar+ @—O‘—» ><z§'70"—> Ar‘@vO— (56)
H

3. Rationalization of a Series of Results
Figure 6 presents the variations in the yield in monodeuterated arene obtained when an
aromatic halide is reduced in acetonitrile in the presence of 10% D,O [25].

ACN, 10%D,0
ArX +2e ———— > yArD + (1 —y)ArH (57)

% ArD
1001 .

xO-eN
501
0 z 2
¢ B |

Figure 6. Experimental variations in the yield of monodeuterated arene ArD as obtained by
reduction of the corresponding halide in acetonitrile in the presence of 10% D-O and 0.1 M
LiClO,. The number on the curves are the initial concentration (mM) of the halide. (Data from
Ref. 25.)
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The overall stoichiometry of the reaction shown in Eq. (57) corresponds to the formation
of ArD and ArH via two competitive pathways. ArD is obtained along the sequence
presented in Eqs. (48) through (51), the resulting o-aromatic anion being deuterated by
D-0, as in eq. (58):

Ar~ +D,0 —» ArD + DO~ (58)

ArH is formed via an H atom transfer from the ACN solvent to the aryl radical formed
upon the mechanism in Eqs. (48) and (49), as outlined in the following sequence [25]*:

Ar + CH;CN—ArH + CH,CN (kg (59)
"CH,CN(+¢ or ArX®) — ~CH,CN (60)
~CH,CN + D,0 = CH,DCN + DO~ (61)

The data in Fig. 6 show that for the 1-halonaphthalene or 4-halobenzonitrile series a
continuous variation is observed; that is, the yield in ArD increases in the series
Cl « Br < I, in agreement (at least for the monotonic variation) with usual chemical
expectations. But for the 9-anthracene series a nonuniform variation is observed as a
function of the halide. Moreover, the ArD yields obtained for the 9-chloroanthracene
are extremely dependent on the concentration or the stirring rate, whereas the effects of
these factors are minimal for the bromo derivative and totally negligible for the iodo
derivative or for the 1-halonaphthalene or 4-halobenzonitrile series. Such a priori puzzling
experimental results may, however, be easily rationalized through the preceding method.

From Table 1 the two parameters corresponding to the competition between ECE
[reactions (48), (49), (50), and (58)] or DISP [reactions (48), (49), (51), and (58)] sequences
and the ECC sequence [reactions (48), (49), and (59) through (61)] are obtained as
followst:

p; = 11(‘_1 ECC/ECE (62)
H
_C ar ECC/DISP (63)
b =27 k72
py =21 DISP/ECE (64)

P2

This allows the construction of the kinetic zone diagram in Fig. 7a according to the
previously explained procedure. The location of the experimental systems considered in
Fig. 6 indicates that the benzonitrile or naphthalene derivatives undergo an ECE/ECC
competition without interference from the DISP route. Thus, as indicated by the compass
card in Fig. 7a or by the formulation of p, in Eq. (62), C° or 6 = §°/D has no effect on the

"The scrambling in Eq. (61) has been shown to play a minimal role during the electrolysis on the
basis of experimental isotopic studies [25].

TNote that for the H atom transfer pathway, steps (60) and (61). which occur after the branching
point [Eq. (59)], play no role in the ArD yield. Thus the sequence of reactions (48). (49), and (59)
through (61) behaves like an ECC sequence in regard to the competition between the H versus
(+e, +D-0) routes.
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Figure 7. (a) Kinetic zone diagram for the ECC/ECE/DISP competitive sequence in the ArD
versus ArH formation under the experimental conditions of Fig. 6 [see text and Eqgs. (48) through
(51) and (58) through (61); note that for the example discussed kg = kqr]. (b) Theoretical variations
in the yield of ArD as a function of the concentration of ArX (numbers on the curves) and of the rate
constants ratio k,/ky. (Experimental data from Ref. 25.)

overall ArD yield, in agreement with the experimental observations. Moreover, for a given
aromatic moiety, ky is constant and does not depend on the halide, whereas k,; increases in
the order Cl < Br < 1. Thus p; = k;/ky increases monotonically in the series, which
explains the uniform variations in Fig. 6. The 9-iodo anthracene also undergoes an
ECC versus ECE competition, whereas an ECC/DISP competition is observed for the
9-chloro derivative. From the compass card in Fig. 7a it is then seen that C° or 6 con-
siderably affects the ArD vyield for the 9-chloroanthracene, whereas there is no effect of
these parameters on the iodo derivative. For the bromide, an intermediate situation is
observed but more shifted toward predominance of an ECC than for the iodide or chloride
cases, which explains the minimum observed in Fig. 6 as well as the small variations in the
ArD yield with concentration or stirring rate changes. It is thus seen that the simple
approach presented here is sufficient to rationalize qualitatively all the a priori puzzling
observations in Fig. 6. But a correct and thorough analysis of the problem on a physico-
mathematical basis [15] may be achieved and leads to a more quantitative description of
these facts. The result of such an analysis is shown in Fig. 7b, under the form of predicted
variations in the ArD yield, for the systems in Fig. 6. Although more quantitative infor-
mation is then obtained, it is seen that all the trends observed in Fig. 7b have been
qualitatively predicted via the above approach, which requires no sophisticated deriva-
tions and can be handled “on the back of an envelope.”

IV. CONCLUSION

This presentation was designed to discuss the relationships between micro- and macroscale
electrolysis. Besides the intrinsic factors arising from scaling-up problems (larger concen-
trations, larger current densities, and longer reaction times), we have tried to show how the
results of microscale electrolysis could be used with large profit, either in devising adequate
experimental conditions or in the rationalization of product distributions. However, it is
important to decide in such cases if the branching point leading to the different products



204 Amatore

takes place in the bulk solution or occurs in the very close vicinity of the electrode. Indeed,
in the first case the problem must be examined in terms of its homogeneous equivalent, the
electrolytic reactions being replaced by first-order reactions. Conversely, in the second case
an electrochemical analysis taking into account the concentration profiles in the vicinity of
the electrode must be performed to solve quantitatively the distribution problem.
However, in such cases, and when only semiquantitative predictions are needed, a very
simple approach based upon competition parameters and kinetic zone diagrams proves to
be considerably useful *
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1. INTRODUCTION

Electrochemistry is the combination of a heterogeneous electron transfer at an electrode
with a chemical reaction, The electron transfer leads to the reactive intermediates: carbo-
cations [1], carbanions [2], radicals [3], and radical ions [4]. The differences in comparison
to chemical reactions are due to the way in which these reactive intermediates are gener-
ated. In electrochemistry, the electrode transfers the electron; in chemical reactions,
chemical reductants or oxidants are used. Furthermore, carbocations, radicals, and
carbanions are chemically generated by dissociation, homolysis, or deprotonation. The
reaction conditions, the solvents, and the reactants encountered by the electrochemically
or chemically formed intermediates can differ substantially and thus can lead to diverse
reaction pathways and products.

Electrochemistry is also an esteemed method in organic synthesis [5]. Sometimes,
when common synthetic methods fail, electrochemistry is chosen as a last possibility,
which often leads to success but also to disappointment due to the high expectancy. To
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achieve a more realistic picture the advantages and disadvantages of chemical and electro-
chemical conversions are compared in Sec. III on synthesis.

Additionally, there are features of organic electrochemistry that cannot be com-
pared with organic chemistry because they are unique to this field and have no
counterpart elsewhere in common chemistry. They result from the combination of
electron transfer with a chemical reaction. This way reactive intermediates can be
generated, which in another way are not or only in a limited extent accessible,
such as radical ions. Mechanisms can be studied in otherwise not accessible depth
from time-resolved electrical signals of starting materials, products, or intermediates
(see Chapter 2) [6].

Il. COMPARISON OF ELECTROCHEMICAL REACTIONS WITH CHEMICAL OXI-
DATIONS AND REDUCTIONS WITH REGARD TO THEIR MECHANISM

A. General Considerations

If one looks at a chemical and an electrochemical reaction, general steps can be distin-
guished:

1. In achemical reaction the approach of the substrate to the chemical oxidant or
reductant by forming covalent or ionic bonds, in electrochemistry the diffusion
to and sometimes adsorption at the electrode,

2. In the chemical reaction reductive or oxidative elimination to the product (inner
sphere electron transfer) [7] or in electrochemistry generation of the reactive
intermediate by electron transfer (outer sphere electron transfer) [7], and fol-
low-up reaction of the intermediate to the product.

In chemical oxidation or reduction the redox reagent and the substrate often form a
covalent or ionic bond, for example, an ester in chromic acid oxidation [8], a sulfonium
methylide in the Swern oxidation [9], cyclic esters in the syn dihydroxylation with OsOy
[10], or in the selenium dioxide oxidation of ketones and aldehydes [11]. In electrochemical
processes the substrate must diffuse from the bulk of the solution to the electrode and
compete there with other components of the electrolyte by competitive adsorption for a
position at the electrode surface [12]. The next step is then generation of the reactive
intermediate by electron transfer at the electrode that reacts with a low activation energy
to the products. In chemical oxidations or reductions one finds a reductive or oxidative
elimination of the intermediate with a higher activation energy.

The transition states of the latter are therefore more sensitive to stereochemical and
electronic influences, which also leads to a higher selectivity than in analogous electro-
chemical conversions. At some oxide electrodes, such as the Ni(OH), electrode [13], the
oxidation occurs as inner sphere electron transfer by hydrogen atom transfer. Also at
doped titanium anodes this seems to be partially the case [14]. It cannot be definitely
excluded that also in some oxidations at platinum anodes, higher valency oxides at the
surface act as inner sphere electron transfer agents. ““Electrochemical™ inner sphere elec-
tron transfers are intentionally used in indirect electrochemical conversions where selective
chemical oxidants or reductants are regenerated by electron transfer from the electrode
[15]. They are also immobilized by attaching polymer-bound electrocatalysts as mediators
to the electrode surface [16].
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By electron transfer radical ions, anions, cations, and radicals can be generated as
reactive intermediates. Radical ions are mostly products of outer sphere electron transfer
[Eq. (D):

Nl \c=c/ . Ne_¢
% /\ /

/
N

VRN

1)

Carbanions can alternatively be generated by deprotonation [2], carbocations by Sy1
or Ay processes [1], and radicals by homolysis [3].

Distinctions in the follow-up reactions of electrochemical and chemical conversions
are due to different concentrations of the reactive intermediates, different reaction media
and additives, and the possibility of further oxidation or reduction. In electrochemical
reactions the intermediates generated at the electrode surface diffuse into the bulk solu-
tion. Owing to their high reactivity, they react in a fairly thin reaction layer that adheres to
the electrode and thus their concentration is higher than in homogeneous reactions [17],
where they are uniformly spread over the medium. This can influence the product dis-
tribution. Radical additions initiated by electron transfer often lead in homogeneous
solution to polymers [18]. but in electrochemical reactions the termination step of a radical
polymerization, that is, the formation of additive monomers and dimers, preponderates
[19]. In electrochemical reactions the electrode surface can be depleted of the electroactive
substrate at high current densities. This way reactions between the reactive intermediate
and the educt can be decreased [20]. The adsorption of supporting electrolyte or other
additives can create a special microenvironment in the reaction layer near the electrode
that can favor distinct pathways. Thus the use of tetraalkylammonium ions as supporting
electrolyte depletes the electrode surface of water and thus favors the hydrodimerization of
acrylonitrile [21]. The enrichment of alkaloid salt at the electrode surface promotes an
enantioselective reduction of 2-acetylpyridine [22] or of 4-methyl coumarine [23].

The proximity of the electrode to the reaction layer can lead to follow-up oxidations
and reductions of intermediate products. These are much less pronounced in homoge-
neous solution.

Each electron transfer generates a proton or Lewis acid at the anode and a hydroxyl
ion or Lewis base at the cathode. This creates strongly acidic or basic media in the reaction
layers adhering to the anode or cathode, whereby acid- [24] or base-catalyzed reactions
[25] can be induced (see Chapter 30).

These more general considerations are subsequently illustrated by some studies in
which data for electrochemical reactions and chemical oxidations and reductions are
available.
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B. More Detailed Comparisons of Electrochemical Reactions with Chemical
Oxidations and Reductions

1. Oxidative Nucleophilic Aromatic Substitution

Eberson has compared the isomer ratios for the acetoxylation of aromatic substrates at the
anode with those obtained from different oxidants (Table 1) [26]. The anodic reaction
proceeds by an initial electron transfer, thus forming a radical cation, which is then
attacked by acetate ion. The homogeneous reactions, which come closest to the results
of the anodic oxidation, are the Co(IH)WIZOZE and the Ag(Il) oxidation. These and also
the Ce(IV) oxidant, which still exhibits some similarities in the isomer distribution, have
been characterized as electron transfer oxidants, whereas the Pd(II)-catalyzed acetoxyla-
tion has been shown to proceed via organopalladium species [27]. The isomer distributions
in the latter, where predominantly mera orientation is being observed, are drastically
different from those of ET-mediated reactions.

Table 1 Isomer Ratios for Oxidative Acetoxylation or Aromatic Hydrocarbons

Anisole Naphthalene, Nuclear/side chain
Oxidant o/p m/p 1-/2- Mesitylene p-Xylene
Pt anode® 2.3 0.12 24 4.4 0.9
Ag(I)° 22 0.032 19 2.3 —
Co(ITHW* 1.3 0.1 99 0.41 <0.01
Ce(IV)d 0.82 <0.01 24 0.7
Pd(ID)* 0.5 49 1.3 <0.01 0.66

%In HOAc, 0.5 M NaOAc, 20°C,

®In HOAc, 0.5 M NaOAc at 40°C,

©Co(Ill) W,>03; in HOAc/H,O (4:1), 0.1 M KOAc at 102°C,
CICe(IV) ammonium nitrate or acetate in HOAc at 20-70°C,
¢In HOACc at 115°C.

2. The Oxidative Decarboxylation of Carboxylic Acids

Kolbe electrolysis also allows some comparisons with analogous homogeneous reactions
with regard to dimerization, substitution, or addition reactions of the generated radicals.
Photolytic or thermal decarboxylation of diacylperoxides is a source of alkyl radicals
similar to those afforded by the Kolbe electrolysis. The anodic oxidation of propionate
has been compared with the thermal decomposition of dipropionyl peroxide [28].
Examination of the yields shows that reaction between radicals is favored in the electro-
chemical process, whereas in peroxide decomposition hydrogen atom abstraction from the
solvent or the substrate occurs to a higher extent. This illustrates the effect of the higher
radical concentration at the electrode.

Photolysis at lower temperatures and in the solid state decreases the extent of the
hydrogen atom abstraction due to its higher activation energy compared to radical dimer-
ization. Additionally, the lower mobility of the radicals in the solid state increases the cage
reaction of the pairwise generated radicals. This way unsymmetrical diacylperoxides form
unsymmetrical dimers with less than 1% of the symmetrical product [29]. Peroxides from
carboxylic acids, being optically active at the a-carbon, couple photochemically in the
solid with only a minor loss of optical activity [30].
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In Kolbe electrolysis, coupling of the radicals generated from different carboxylates
occurs statistically [31], and the chirality at the o-carbon is totally lost [32,33].

The easy follow-up oxidation of intermediates at the electrode is illustrated by the
oxidation of trimethylacetic acid. The decarboxylation of carboxylate by peroxidisulfate/
Ag(]) is a good way to simulate the Kolbe anodic oxidation in a homogeneous solution
[34]. The oxidation of trimethylacetic acid with S20§_ /Ag(]) in the presence of protonated
quinoline affords by reaction of the intermediate z-butyl radicals in an Sy Ar substitution a
high yield of ¢-butylated product [Eq. (2)] [35].

X S,05% A
+ MesCCOH @ ——m—>» 2)
. Ag(I), 100% = @
N N CMC3

H®

e e CH;CN
Me;CCO,H ———» Me;Co ———» Me,Ct —————» MesC—NHCOCH; (3)

-Co,

The anodic oxidation of trimethylacetic acid in acetonitrile, however, leads to -
butylacetamide owing to further oxidation of the intermediate s-butyl radical to the ¢-
butyl cation and its Ritter reaction with MeCN [Eq (3)] [36].

The reaction of styrene with carbomethoxymethyl radicals generated in homoge-
neous solution and by Kolbe electrolysis has been compared [Eq. (4)] (Table 2) [37]:

MeO,CCH,CO, (MeO,CCH,3—,C(OOH)OH

\ / -

M602CCH2 L4
(9 9]

leHSCHz‘CHg

@
MeO,CCH,CH,CHC¢Hs
(I
/ D (I
MeO,C(CH,)3CsHs MeO,C(CH3),CH(CsHs5)CH,CO,Me (MeO,C(CH3));CH(CgHs))2
(1) V) (VD

MeO,CCH,CH=CHCsHjs
(IV)
(4)
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Table 2 Addition of the MeO,CCH; Radical Generated by Kolbe Electrolysis and
Homogeneous Chemical Reaction to Styrene

Relative Yields (%)

Method Total yield (%)
{Eq. (4)] 10 v v VI of TI-VI

a 16.3 15.1 5.7 62.9 43

b 13.0 14.8 1.8 70.4 384

The methoxycarbonylmethyl radical I is obtained by Kolbe electrolysis from methyl-
malonate [Eq. (4. path a)], and in homogeneous solution by reductive fragmentation of the
hydroperoxide of dimethyl acetone dicarboxylate [Eq. (4, path b)]. Radical 1 forms with
styrene the adduct II, which reacts by disproportionation to III and IV, by coupling with I
to V and by dimerization to VI. The yields and product ratios for the electrolysis and the
reductive fragmentation correspond surprisingly well, and no extensive polymerization
was found for the homogeneous reaction.

The Birch reduction of aromatic hydrocarbons or of double bonds with alkali metals
in liquid ammonia or amines [37] resembles in yield and selectivity the cathodic reduction
with lithium halide as supporting electrolyte (for example, Ref. 38).

In reductive acylation and dimerization, the cathode is often superior to dissolving
metal or radical anions reductants. So «, B-unsaturated ketones or esters can be acylated in
high yield to 1,4-dicarbonyl compounds at the mercury cathode [39], but the correspond-
ing reaction with sodium in tetrahydrofuran (THF) fails [40]. On the other hand, reductive
acylation of double bonds becomes possible in high yield, when vitamin By, is used as
mediator [41]. Here cobalt—alkyl complexes play a decisive role as intermediates.

Ph, JPh
2 PhCH=CHCO;Me ———» \
= e
’ CO;Me (5)
0
c
aze, Hg - , ol
CLCCH,CHBR ———— »  CLOCH,CHBR —~<HO ©)
b: BuLi, -110°C R N

In the reductive dimerization of methyl cinnamate to a cyclopentanone [Eq. (5)].
similar yields are found at the cathode [42] and with metals (sodium, THF, and TBAI,
—78°C) [40]. Because of the potential selective conversion at the electrode, halides can be
reduced at the cathode to carbanions in the presence of carbonyl compounds, which are
reduced at more cathodic potentials. This way labile carbanions can be obtained and
reacted under conditions in which the same species generated by a metalorganic route
would decompose. For example, trichlorobromoalkane can be cathodically converted in
the presence of aldehydes to a dichloromethyl anion 0°C [route a, Eq. (6)] and be trapped
to form a dichlorotetrahydrofuran, but for the metallorganic route [route b, Eq. (6)] a
reaction temperature of —110°C is necessary [43].
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lll. COMPARISON OF ELECTROCHEMICAL REACTIONS WITH CHEMICAL
REDUCTIONS AND OXIDATIONS IN SYNTHESIS

A. Introduction

For the synthesis of organic compounds, two types of reaction are used: C,C-bond-form-
ing reactions for the construction of large structures from small units, and functional
group interconversion for introduction of the functionality into the target molecule and
for activation of the building blocks [44].

B. C,C-Bond-Forming Reactions

The C,C-bond-forming reactions can be classified as polar reactions, in which an activated
donor reacts selectively with an acceptor or vice versa; radical reactions, which are increas-
ingly applied in coupling or addition reactions because they do not interfere with polar
groups in the molecule and thus save steps as no protections are needed [43]; pericyclic
reactions, especially cycloadditions, for the construction of ring compounds with high
stereoselectivity [45]; and transition metal-catalyzed reactions [46].

The first two reaction types involve reactive intermediates, namely, radical ions,
carbocations, carbanions, and radicals, that can be prepared in a broad variety at the
electrode. Therefore, the electrode is well suited for these two types of reaction.

Pericyclic electrochemical reactions are increasingly developed. They involve chain
reactions with a radical cation as chain transferring step or the generation of reactive
dienophiles (see Chapter 22, Sec. V). Transition metal complexes are increasingly applied
in electrochemistry as electrocatalysts for reductive carboxylation [47], acylation or alky-
lation [41], or activation [51].

Reactive acceptors are anodically available as radical cations in a wide variety by the
oxidative “Umpolung” of donors. This way two donors can be coupled in one step, if one
of them is converted to an acceptor by electron transfer. Chemically, two or more steps are
required for this operation. Thus electrochemistry can save steps in synthesis. Of general
synthetic value is the generation of latent immonium ions for electrophilic addition [48]
and the oxidative coupling of olefins [49] and Chapter 22. In common chemical synthesis
there is, on the other hand, a highly developed experience and a large arsenal of reagents
to execute selective Sg and Ag reactions with a wide choice of substrates.

Reactive donors can be generated cathodically by reductive cleavage of halides to
carbanions or by the reduction of double bonds to radical anions. By reductive
“Umpolung,” two acceptors can be dimerized in one step, such as acrylonitrile to adipo-
dinitrile, a reaction that in common chemistry is not possible. Two different acceptors can
be selectively coupled either by controlled potential electrolysis (cpe) [39,55] or with cobalt
complexes as mediators [41]. On the other hand, highly developed chemical techniques are
available to generate activated donors with different functionality and carbon structure by
hydrogen-metal, halide-metal, or metal-metal interchange [2]. Furthermore, in these cases
low temperatures and inert solvents, necessary to handle reactive and labile carbanions
and to achieve high selectivities, can be applied.

Radicals can be generated at the anode by oxidation of carbanions, alkyl borates,
alkoxides, and carboxylates (see Chapter 22, Sec. V) and at the cathode by reduction of
protonated carbonyl compounds or onium salts (see Chapter 10). Thereby, a wide choice
of different radical structures can be mildly and simply obtained from readily available
precursors. These radicals are especially suited for coupling and additive coupling reac-
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tions in nonchain processes because these are favored by the high radical concentrations at
the electrode. Compared with these possibilities, chemical methods for radical coupling are
less general and limited to less easily accessible starting materials, such as azo and peroxy
compounds. On the other hand. radical chain reactions with tandem sequences are highly
developed in chemical synthesis [3]. The electrogenerated radicals can be trapped by olefins
to yield additive dimers and additive monomers. The product distribution can in part be
controlled by the current density and olefin concentration [Eq. (7), paths a and b] and by
the electrode potential or the substituent Y of the olefin [Eq. (7), path c] (see Chapter 22,

Sec. V).

Y

a 1] |

R—C—C—C—C—R
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Y Y
Y | i
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In common chemistry these types of adducts are not or are much less easily access-
ible. The products are different from those of a radical chain addition [Eq. (8)] [3]. There,
one C,C and one C,H or C,heteroatom bond is formed, while in the electrochemical
generation of the radicals two carbon—carbon bonds can be obtained [paths a, b, eq. (7)].

Y
. |
R—X + \c=c’\ _In* . R—C—C-X ®)

C. Functional-Group Interconversions

Electrochemical functional-group interconversions can be classified into four groups [Eq.
Ol

Anodic substitution and its cathodic counterpart, cathodic cleavage.

Anodic dehydrogenation and cathodic hydrogenation.

Anodic addition and cathodic elimination.

Anodic cleavage, where the cathodic reversal would be a C,C-bond-forming
reaction, such as hydrodimerization.

el

For the anodic substitution of unactivated CH bonds, some fairly selective reactions
for tertiary CH bonds in hydrocarbons and y —CH bonds in esters or ketones are available
[51,52]. However, in some cases a better control of follow-up oxidations remains to be
developed. Chemically a number of selective reactions can be used, such as ozone on silica
gel for tertiary CH bonds [53], the Barton or Hoffmann-Loeffler-Freytag reaction for y-
CH bonds [54], (i-prop),CNCI/H™ [55], fatty acids adsorbed on alumina and chlorine [56],
and template-directed oxidations for remote CH bonds [57].

For activated CH bonds a wealth of chemical methods is available, such as singlet
oxygen, N-bromosuccinimide, Br,/hv, Pb(OAc),. or SeO; [58]. Anodically fair yields are
obtained for CH bonds activated by a vinyl, phenyl, or alkoxy group, although sometimes
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problems of regioselectivity occur [59]. The a-oxidation of N-acyl-N-alkylamines, which
leads to synthetically very interesting precursors of immonium cations [48], has no
chemical counterpart.

anodic substitution,

N\ -e, +Nu N
—C—H -— hatl ~—C—Nu
cathodic cleavage,

+e, -Nu’

anodic dehydrogenation,

-e, -H' o
oy = = )=
cathodic hydrogenation,

i
H H
+e, +HY
e )
anodic addition, N
= u
: : -e, +Nu _ )—-|<
cathodic eli_mination, Nu
+e, -Nu

anodic cleavage,

-€, -H* ‘
< = Do

X x " (CC: hydrodimerization),
I +e, +H*
H H

For the nucleophilic substitution of aromatic CH bonds, electrochemistry has a clear
advantage over chemical conversions. While at the anode, nucleophiles like OR, OCOR,
Br, and CN can be introduced simply and in one step [60], chemically multistep procedures
are necessary to achieve the same goal.

Carboxylic acids can be regarded as compounds having a CH bond with an inserted
CO, group. They can be converted by non-Kolbe electrolysis into products in which the
CO,H group is replaced by a nucleophile or a double bond (see Chapter 14) [61]. These
conversions can be combined with specific rearrangements or fragmentations [62]. The
comparable chemical conversions, such as the Kochi reaction [63] or the Hofmann degra-
dation [64], have more limited applications.

The cathodic cleavage of C-X to C-H bonds can be applied to a variety of sub-
stituent X, such as Hal, NRY, PR}, OAc, OCH;, OTos, OPO(OEt),, or epoxides.
Generally good yields, an often high potential selectivity, and sometimes good stereose-
lectivities are encountered (see Chapters 8 and 23). Chemical reactions for similar conver-
sions that are well worked out, especially with regard to yield and selectivity, are the
reduction of tosylates with LiAIH4 and of halides with Bu;SnH [65] or radical deoxygena-
tions [66].

For the dehydrogenation of HC-XH bonds, for example, of alcohols to ketones,
aldehydes to carboxylic acids, and amines to nitriles, is there is a wealth of anodic reac-
tions for specific applications available, such as the nickel hydroxide electrode [13], indir-
ect electrolysis [15] with I7, NOj3, or thioanisole [67], RuO,/Cl™ [68], and chemical
oxidations [Cr(VI), MnO,, MnO;, DMSO/Ac,0, Ag,O/Celite, and O,/Pt] [69]. The
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advantages of the electrochemical conversion are a lower price, a more easy scale-up, and
reduced pollutional problems.

The hydrogenation of C=X and C=C double bonds can be achieved cathodically and
with a number of chemical reagents, such as catalytic hydrogenation, metal hydrides, and
dissolving metals. Here the best method must be selected for each individual case. The
advantages of the electrochemical method are the potential selective conversion at the
cathode with e.g. the possibility of reducing carbon-heteroatom double bonds in the
presence of C=C bonds, or the rrans-hydrogenation of C=C bonds via radical anions in
contrast to the synchronous cis-hydrogenation with catalytic hydrogen.

Anodic addition affords products, some of which are of industrial interest, such as
propylene oxide [70], diols, or 1,4-dimethoxyfuran [71]. To improve the selectivity, some-
times mediators like TI**, Pd**, Ce**t, or Ru®* are used (see Chapter 29) [15]. Chemical
reagents that serve a similar purpose include MnO;, OsO4/N-methyl morpholinoxide,
Hal,, and peracids [72].

Reductive elimination can remove a variety of vicinal nucleophiles to form double
bonds [Eq. (10)]:

X
\(I:—C/ "L C=C
/TN

(10)

X = Br, OAc, NO,, CN, -—-Oﬁ—ﬁo—
o

At the cathode, a chemoselective elimination depending on the degree of alkylation of the
vic-dihalide is possible [73]. Chemically these reductions are more limited in scope; they
can be conducted with I~ in DMF, with Zn, Mg, or Cr** [74]. The cleavage of 1.2-diols
can be inexpensively achieved at the nickel hydroxide electrode [13], while chemically the
more expensive reagents Pb(OAc), or 105 must be used.

The conversion of heteroatoms to different oxidation states, for example -S-, -SO-,
-SO,-, or NO,, NHOH, NH, is possible at the electrode. Of advantage, especially in the
reduction of nitro functions, is the potential selective conversion to certain oxidation states
(see Chapters 9, 15-17).

By controlled potential electrolysis protecting, groups can be selectively removed.
This makes electrochemical deprotection (see Chapter 23) [75,76] a valuable supplement to
chemical deprotection [77]. Additionally, less interference with other functional groups is
encountered than in chemical deprotection.

D. Some General Comments

The supposed need for sophisticated equipment is often the reason that electrochemistry is
less frequently applied than it could be. However, more than 90% of preparative-scale
electrolyses—especially first exploratory experiments—can be conducted with simple and
readily available equipment [78]. A beaker with a stirring bar can serve as a reaction vessel.
Quite often a diaphragm is unnecessary, as most anodic oxidations can be conducted in an
undivided cell. Graphite plates, graphite felt, or a platinum foil fastened to an inert
support is used as the anode and a steel or lead plate or a mercury pool as the cathode.
The silver/silver chloride reference electrode is prepared by anodically chlorinating a silver
wire. The cell voltage is supplied from an ac source, a voltage regulator, and a rectifier, and
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the potential between the working and the reference electrode is read from a high-resis-
tance voltmeter. The little knowledge necessary to conduct the electrolysis is easily
obtained. The oxidation or reduction potential of the substrate is determined with the
equipment just mentioned. The electrolyte is then chosen in such a way that its decom-
position potential exceeds that of the oxidation or reduction potential of the substrate. The
electrode material is selected so that it does not oxidatively or reductively dissolve at the
applied potential. This procedure can be applied with only minor changes to a wide variety
of substrates and conversions. In chemical reactions, the selective reagents are frequently
applicable to only a limited number of substrates and are mostly considerably more
expensive than the electrical current and the simple equipment.

Electrochemical preparations are often easier to conduct than chemical conversions.
Solubility problems, which often occur with inorganic redox reagents in organic solvents,
are not encountered. On the other hand, the inertness of solvents and the lower attainable
temperatures in chemical reactions cannot be achieved to this extent in electrolysis. Polar
and thus more reactive solvents are necessary for the electrolytes, and the temperatures for
practical reasons cannot be lowered much below —40°C in preparative scale electrolyses.

Workup of electrolyses is often easier as no products of chemical oxidants or reduc-
tants must be separated. Additionally, in electrolysis a similar workup can be used for a
wide number of applications. Furthermore, the scale-up of electrochemical reactions is
often easier to achieve than for chemical conversions.

The selectivity of electrochemical reactions with regard to a potential selective con-
version of an electrophore is superior to that of chemical reactions. However, the chemo-
selectivity, the regioselectivity, and especially the stereoselectivity are often inferior to
those of chemical reactions. The reasons are that chemical redox reactions involve inner
sphere electron transfers, which by nature are more selective than outer sphere electron
transfers at the electrode; lower temperatures are attainable in chemical conversions and a
much more profound knowledge of the control of these reactions has been accumulated.
With regard to the economy of synthesis, the electrode can be superior to chemical reac-
tions. First, the redox “"Umpolung” saves steps because it allows the one-step coupling of
two donors or two acceptors. In comparable chemical conversions, two or more steps are
necessary for that purpose. Second, at the electrode a synthetic building unit can be used
with several reactivities because it can be changed via electron transfer. In chemical pre-
parations, building units are usually designed for only one reactivity.

A great advantage of electrochemical reactions compared with chemical conversions
is the effective contribution to pollution control. The direct electron transfer from the
electrode to the substrate avoids the problem of separation and waste treatment of the
frequently toxic end products of the chemical oxidants or reductants. Furthermore, by
electrodialysis, organic acids or bases can be regenerated from their salts without the use
of sulfuric acid or sodium hydroxide, for example, which lead to the coproduction of
sodium salts or sulfates as waste [79]. At the same time, inorganic acids and bases, neces-
sary for chemical production, are provided by this process. An application of electro-
dialysis has been demonstrated in the preparation of methoxyacetic acid by oxidation
of methoxyethanol at the nickel hydroxide electrode [80]. Finally, unwanted side products
can be converted into the wanted product, which increases the economy of the process and
reduces the problem of waste separation and treatment. This is accomplished in the
manufacture of chloroacetic acid by chlorination of acetic acid. There the side product
dichloroacetic acid, formed by overchlorination, is cathodically converted to chloroacetic
acid [81].
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. INTRODUCTION

An attractive feature of the electrolytic method is that it has the possibility of controlling
the activity of the reagent, the electron, over a wide range. The success or failure of an
electrolysis depends to a great degree on the proper selection of experimental conditions.
An intelligent choice of these requires an understanding of the principles of controlling the
reacation and of the properties of the different components, such as electrolytic cells,
electrodes, solvents, and electrolytes, which are part of the electrolytic equipment.

In classic electrolytic reactions the current density, measured in amperes per square
decimeter, was the quantity that was controlled, possibly because it was the easiest factor
to measure and keep constant. For a long time nearly all electrolytic reactions were
performed with control of the current density, although Haber, as early as 1898, in his
famous papers on the stepwise reduction of nitro compounds, realized that the potential of
the working electrode was the proper quantity to control.

The differences in the two ways of controlling the electrolytic reaction are illustrated
in Fig. 1. In this figure, curve I depicts schematically the connection between the current
through the cell and the potential of the working electrode. The initial solution contains
two reducible compounds or one compound with two groups reducible at different poten-
tials. When the potential at the cathode is between 0 and E,, no electron transfer across
the electrical double layer can take place and thus no current runs through the cell. If the
cathode potential is made more negative, the electron transfer becomes possible; that is,
the reduction of the most easily reducible compound or group starts. Between E5 and Eg
the current rises in dependence on the potential, but when the value Eg has been reached,
all the molecules that arrive at the electrode and that can undergo the first reduction are
reduced as soon as they reach the electrode. In the potential interval Eg to E¢ the current
is limited by the transport of the reducible compound to the cathode. This current is called
the limiting current iy, and under fixed conditions it is proportional to the concentration of
the electroactive compound.

A further change of the electrode potential in the negative direction results in the
occurrence of the second electrode reaction and the current rises; a similar S-shaped curve
results from this reduction. At more negative potentials a third-reacation or a reduction of
the medium takes place.

If a suitable current i, [i, <id(I)] is sent through the cell, the cathode potential
assumes the value Ey(I), and when i, < iy4(I) this is well below the potential (Ec) at
which the second electrode reaction starts; a selective reduction thus occurs at the begin-
ning of the electrolysis. During the electrolysis the concentration of the reducible com-
pound, and thus its limiting current, diminishes and after a while (curve II) the limiting
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Figure 1. Schematic representation of the connection between the current and the potential of the
working electrode in a solution containing a compound with two groups reducible at different
potentials. Curve I, before electrolysis; curve II, after the passage of some current; [, is an applied
current, Ey(I) and Ey(II) the potentials corresponding to iy; iy is the limiting current, and E,, Eg, and
E¢ are applied potentials.

current becomes smaller than the applied current [i, > ig (II)]. The cathode potential has
then, by necessity. reached the value E,(II), and at this potential the second electrode
reaction also takes place; the electrolysis is no longer selective. However, if a current
density reasonably low in relation to the concentration of the electroactive compound is
used, the potential will remain constant for a large part of the electrolysis and the electro-
lysis is selective during that part of the reaction.

If the second electrode process does not interfere with the first (e.g., it may be due to
the background), the method may still be acceptable in the laboratory (e.g., anodic meth-
oxylation or an electrolytic reduction with simultaneous hydrogen evolution). For indus-
trial processes, however, a high current yield (or current efficiency) is generally desirable
and waste of current on the background is less tolerable. The current yield is the theore-
tical amount of electricity divided by the amount actually employed for the production of
a particular substance (usually expressed as a percentage).

On the other hand, when the electrode potential is the controlled factor and is kept at
a suitable value, such as Eg, the second electrode process cannot take place, and the
reduction remains selective to the end. The current through the cell is never higher than
the limiting current corresponding to the first electrode reaction. This means that the
current decreases during the reduction and becomies very small toward the end of the
reaction, as the limiting current is proportional to the concentration of the electroactive
material.

Another way of keeping the potential constant is to maintain a certain concentration
of the reducible compound, e.g., corresponding to the limiting current iy (I) in Fig. 1. By
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continuously adding substrate and removing product and by keeping the current at a
constant value smaller than iy (I), for example, I,. the potential stays at Eq (I) and the
reaction remains selective. This way is preferred in large-scale electrolysis.

In some reactions the required potential lies outside the decomposition potential of
the medium and a certain current density is necessary to force the potential to acquire that
value; a competition between transfer of electrons to the substrate and to the electrolytic
medium takes place. The outcome of this competition, the current yield, depends on such
factors as electrode material, current density, specific adsorption, and concentrations of
the reacting species.

If the current yield is of minor importance and no further oxidation or reduction
than desired occurs (except reactions of the supporting electrolyte), constant current elec-
trolysis is simpler to use than constant potential electrolysis, which is desirable especially
for an introductory investigation.

A different way of making electrolytic reduction is through electrocatalytic hydro-
genation, which is a kind of indirect electrolysis. Protons are reduced and the key inter-
mediate is Me(H) (with Me being platinum, palladium, rhodium, or nickel), and the
potential determining step is the formation of this reactive intermediate. Selective reduc-
tions may be performed by this method, and the potential used for the formation of
Me(H) is often less negative than that required for the direct electron transfer to the
reducible substrate. Hence, electrolysis occurs with a lower energy consumption. The
selectivity of the reaction may depend on the support for the catalyst.

The information found in Chapters 1-3 and the considerations presented here can be
translated into practical solutions of the problems of electrolysis in many ways, some of
which are discussed in the next sections. Although the emphasis in this chapter is on
laboratory-scale electrolyses and in Chapter 31 on industrial-scale work, it is clear that
many of the factors that enter into consideration of cell design and choice of electrode, for
example, are common to both.

Il. CELLS FOR ELECTROLYSIS
A. General Considerations

Most of the industrial cells discussed in Chapter 31 have been developed from laboratory
prototypes mentioned in this chapter. Polarographic cells and other cells for electroana-
lytical purposes discussed in different monographs [1,2] have been omitted; however, some
electron spin and some electroanalytical cells can be found in Chapter 2. The problems
connected with the scale-up of organic electrode processes and electrochemical engineering
have been treated [3-5] and are discussed in Chapter 31. Fuel cells have also been omitted
here; they are discussed in a special issue of Electrochimica Acta (nr 24, 1998).

A number of problems must be considered when designing a cell for electrolysis, such
as potential distribution at the working electrode, position of the reference electrode,
ohmic resistance in the circuit, mass and heat transfer, the need for a diaphragm, and
the necessity of working in a closed system.

1. Potential Distribution

It is desirable that the potential gradient be the same all over the electrode surface so that a
uniform current density distribution is obtained, provided the substrate (or depolarizer)
concentration is equal at different parts of the electrode. (Depolarizer was the name given
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by Heyrovsky for the substance that receives or gives away electrons at the electrode
surface.) This can be achieved in two ways, by employing concentric, cylindrical electrodes
or planar, parallel electrodes of equal size. Generally, only the electrode areas facing each
other carry the current, so in the former arrangement only one side of the electrode is
effective, whereas in the latter arrangement the working electrode may be placed between
two auxiliary electrodes; this is of interest when the working electrode is of an expensive
material whereas the auxiliary electrodes may be of cheaper material, as in the Kolbe
reaction.

Mercury electrodes present special problems. It is more difficult to make electrodes
of the required symmetry, and the inequalities in the distance to the anode introduced by
stirring the mercury surface result in differences in the potential gradient along the elec-
trode surface and uneven depolarization (see later). Amalgamated electrodes may be used
in many cases instead of mercury.

Sometimes, especially in laboratory cells that carry only a small current, the required
symmetry of the cell is overruled by other considerations, such as convenience of opera-
tion, as in the H cells (discussed later).

The use of small alternating voltage on a dc current, which has been claimed [6] to
enhance the reaction rate and selectivity in some cases, does not require special considera-
tions in the construction of the cell.

2. Position of Reference Electrode

Theoretical considerations and actual measurements of the working electrode potential
under working conditions show that a uniform potential distribution is possible only with
concentric electrodes of the same area [7, 8]. There is thus a limitation to how exactly the
potential indicated by the potentiostat reflects the working potential at different parts of
the electrode. In actual practice, a controlled potential electrolysis (CPE) is carried outin a
small potential range around some average value. In the author’s experience, a selective
electrolysis requires a separation of 0.15-0.2 V in E;/; between the two reactions.

Special problems are found for mercury electrodes, especially in the widely employed
H cells; the part of the electrode near the diaphragm has a higher current density than the
rest of the electrode, and the stirring of the mercury introduces changes in the distance
between the tip of the reference electrode and the working electrode, which affects the
measured reference potential.

3. Ohmic Resistance

A low ohmic resistance of the cell is desired from several points of view; this may be
achieved by having a small distance between anode and cathode, a large electrode surface,
a compact cell, and a low-resistance diaphragm. A distance between anode and cathode as
small as 0.1-0.2 mm has been reported [9], although usually larger distances are employed.
A large electrode area may involve the use of many electrodes; a further development in
this direction is the “fluidized bed” electrode (Chapter 31).

For laboratory experiments electroosmosis may be a problem, especially when work-
ing in nonaqueous solvents of high resistance. The resulting pumping through the dia-
phragm, most often from anode to cathode compartment, depends above all on the cell
voltage [10,11] and thus on the resistance. In practice, it is not easy to predict when and
how much pumping will take place.
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4. Diaphragm

Since the electrode reaction or its products at the auxiliary electrode may interfere with the
desired product or the electrode reaction of the working electrode, it is very often neces-
sary, especially in reductions, to separate the cell into anode and cathode compartments by
some kind of diaphragm that allows the current to pass but suppresses mixing of anolyte
and catholyte. Cells of this kind are called divided cells.

The design of the cell is simpler and the ohmic resistance is lower in an undivided
cell, and diaphragms should be used only when unavoidable. In some cases the mixing of
the catholyte and anolyte may be lowered sufficiently simply by pressing a porous mate-
rial, such as porous plastics, against the counterelectrode and thereby dampening convec-
tion mass transfer [12].

A review has been published on the application of ion-exchange membranes as
separators in electrolytic reactions [13] and on bipolar ion-exchange membranes for the
production of acids and bases from neutral salts [13,14].

The use of a “quasi-divided cell” with a working electrode much larger than the
auxiliary electrode may in some cases make a diaphragm less necessary; the much higher
current density at the auxiliary electrode than at the working electrode forces the major
electrode reaction to be a reduction (oxidation) of the solvent rather than of the substrate
[15]; in aprotic media the use of a diaphragm may be avoided by employing a sacrificial
counterelectrode.

5. Mass Transfer

For small cells, stirring, either mechanical or magnetic, may be sufficient to obtain a
reasonable mass transfer. Pumping the substrate between the electrodes is a procedure
suitable for large-scale electrolysis, as it allows a favorable position of the electrodes and
the use of high current densities. Besides stirring and pumping, mass transfer may be
enhanced by ultrasound and by an applied magnetic field.

The effect of ultrasound is ascribed to promotion of cavitation, which is the rapid
generation and collapse of microbubbles within the medium; this cavitational collapse
results in dramatic pressure and thermal differentials on a microscopic scale, which accel-
erate mass transport and enhance energy transfer [16]. The enhanced mass transport has
also been used to increase the sensitivity of voltammetric analysis [17]. Besides the
enhanced mass transport, heating and interfacial cleaning due to the asymmetric collapse
of the bubbles at the solid/liquid interface may influence electrolysis.

Ultrasound may influence the outcome of competing reactions; thus, for example, on
electrolyzing cyclohexanecarboxylate at a platinum electrode in methanol, a switch from
one-electron “Kolbe products” to two-electron “non-Kolbe products” was observed.
Reviews of the use of ultrasound in electrochemistry have recently appeared [18].

It has been found [19,20] that applying a magnetic field during an electrolysis
enhances the limiting current; this is generally interpreted as a consequence of the magne-
tohydrodynamic effect. The enhancement factor of the limiting current in an unstirred
solution may be 2-3 for a magnetic field of 8000 G. The stationary limiting diffusion
current on a steady electrode has been found to vary with B'3C*? where C is the con-
centration of the electroactive species and B is the magnetic field intensity [21]. It has been
reported that during the anodic oxidation of phenylacetic acid the yield of benzaldehyde
increased about 40% in the presence of a magnetic field [20].

At ultramicroelectrodes at high substrate concentrations and relatively low concen-
tration of supporting electrolyte, an enhancement of the limiting current is observed when
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the magnetic field is parallel to the electrode surface. The enhancement, which seems not to
be a magnetohydrodynamic effect, is roughly proportional to the strength of the magnetic
field; when the field is perpendicular to the surface, a slight decrease in the limiting current
is observed [22].

It has been claimed [23] that ketoacids may be reduced in dilute acetic acid buffer
(pH 3.8) under the influence of a magnetic field (>300 Oe) perpendicular to the Hg
electrode to the hydroxyacids with a significant excess of one of the enantiometers.
However, later attempts to reproduce the results have failed [24-26].

Special forms of mass transfer operate at the wicking electrode [27] and with foaming
electrolytes [28]. In the former, that some substrates “‘creep” on the electrode surface is
exploited to transport the substrate to the working electrode. The latter may be useful
when electrolyzing gaseous substrates. If a gas evolution process occurs at the working
electrode, this gives very efficient stirring. Stirring by gas bubbles may also be achieved
with porous electrodes and a gaseous depolarizer in excess.

6. Heat Transfer

For removal of the heat generated during electrolysis, the cell may be surrounded by a
cooling bath or provided with a water jacket and/or internal cooling spiral; this also
permits electrolysis at constant temperature. In larger cells with metallic electrodes, the
electrodes can be made hollow to allow for a direct water cooling of the electrode itself.
However, it is often more advisable to pump the electrolyte through an external heat-
exchanger system, thus making a flow cell.

7. Closed System

It is simplest to use an open cell, but often it is necessary to apply a closed system—either
because oxygen or water must be excluded or high pressure is necessary, or because the
reaction involves poisonous reactants.

Often oxygen can be removed to a sufficient degree by bubbling an inert gas through
the solution, but when working in systems in which even traces of oxygen must be avoided,
all manipulations of substances must occur on a vacuum line and the cell constructed to
meet this requirement.

8. Space-Time Yield

The space—time yield is defined as the amount of desired product divided by time and cell
volume, and it is important for the economy of a process (Chapter 31). For laboratory
cells, space-time yields as such are of minor importance, but if a cell is designed for a
process in which commercialization is a possibility, one might just as well have the con-
ception in mind from the beginning, and it is advisable early in such an investigation to use
experimental conditions akin to those to be used industrially. The passage of the current
through the cell is always associated with two simultaneous electrode processes: an oxida-
tion at the anode and a reduction at the cathode. From an economic point of view, it is of
course desirable that both processes be engaged in the preparation of useful products. This
is, however, difficult to realize with purely organic systems.

The actual design depends on the type and number of electrodes and operational
principle and scale, and on the actual process. Once the relevant parameters of the elec-
trode reactions are known, it is often possible to use a simpler cell with only two electrodes
and a minimum of additional facilities for that special reaction. For exploratory work,
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however, it is more desirable to have a very flexible construction with many additional
facilities so that a broad range of experiments can be carried out in the same cell.

It may often be advisable (for cathodic processes especially) to have in the cell the
possibility of including an indicator electrode and a pH control system.

In the following, some representative examples have been selected for more detailed
discussion. Supplementary hints may be found in books by Allen [29], Weinberg [30], Beck
[31], and Pletcher [3]. A comparison has been made between the performance of some
types of cells in a selected reaction (oxidation of organic anions) [32].

The presentation of the cells has been organized according to the following criteria:
two- or three-dimensional electrodes, batch or continuous operation, and absence or
presence of a diaphragm.

B. Cells with Two-Dimensional Electrodes

In ““classic”” preparative electrochemistry and in most research work, two-dimensional
electrodes have been used, partly because it is simpler to control the different parameters
at such electrodes and partly because time—space yield is not a deciding factor for labora-
tory cells.

1. Batch Cells

a. Undivided Cells. A simple piece of equipment for the performance of a simple
electrolysis may consist of a beaker to contain a conducting solution of the substrate
and two working electrodes connected to some dc source. The vessel is usually made of
some rigid indifferent material, such as glass, but the inner wall of the container can
also be made of a conducting material to serve as one of the electrodes. An undivided
cell may be used when the products from the electrode reactions do not react with the
other electrode or the other products. The classic Kolbe electrosynthesis is an example
of a reaction that goes well in such an extremely simple “beaker cell.” In aprotic media
a sacrificial counterelectrode or a hydrogen gas diffusion electrode may eliminate the
need for a diaphragm.

Solid electrodes may be used in the form of wires, rods, sheets, bars, plates, or gauze,
or a liquid, such as mercury, may be placed at the bottom of the container; electrode
materials are treated in Sec. IV. The distance between the electrodes should be kept as
small as possible to minimize the ohmic resistance of the cell and thus the heat generated
during the passage of the current. To get a larger working area, several electrodes [33] may
be connected in parallel in the same manner as in a conventional storage batter, thus
comprising a “‘tank cell.” In cases (e.g., Kolbe electrolyses) in which a film may be formed
on the electrode surface during the electrolysis, both electrodes may preferably be made of
platinum and the surface cleaned by occasionally changing the direction of the current [34]
or using pulse techniques [35.36].

In more elaborate electrolytic experiments it is often desirable to use a closed cell [37]
with accessories for working under an inert atmosphere, or in vacuum [38], at elevated
pressure, with reflux, or to allow the identification of gaseous products; a stirrer and a
thermometer are also conveniently added. For the performance of controlled potential
electrolyses with external control of the working electrode potential by a potentiostat, it is
necessary to include a reference electrode, which should then be placed as near the working
electrode surface [39] as possible. However, reference electrodes are not so much used in
undivided cells, and it must be stressed that CPE may be realized without the use of a
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three-electrode system and a potentiostat by having a sufficiently high concentration of the
electroactive substance during electrolysis at constant current with partial conversion or
by adding another redox system to transfer the electrons to or from the compound under
investigation (see Chapter 29). Various kinds of reference electrodes are treated in a
separate section.

An overview of dynamic and the stady state analysis for design and modeling of the
continuously stirred tank electrochemical reactor has been published [40].

Electrolytic fluorination of organic compounds is usually done in undivided cells
with several alternating cathodes and anodes; the corrosive nature of the HF medium
presents special technological problems.

b. Divided Cells. H cells. In principle an H cell consists of two containers
placed beside each other and connected through a diaphragm; the actual design depends
on the types of electrodes and diaphragms used. The prototype for cells with mercury
electrodes is the well-known Lingane cell [41] developed for use with a three-electrode
system and later modified by Pasternak [42]. Figure 2 shows a modification that is easily
constructed from common glassware by a skilled glassworker and has been used for sev-
eral years in the author’s laboratory [43.44]. It may also be used with a solid working
electrode; for nonaqueous work the working electrode compartment may be closed and
provided with standard joints. An indicator electrode or a device for measuring the
optical properties of the solution [45,46] may be included to monitor the concentration
of the substrate, intermediates and/or products. A good description of an all-glass dis-
connectable H cell construction has been given by Peltier and coworkers [47]. Glass H
cells are available commercially, e.g., from Techno-Sigma Co, Ltd.

H cells with solid plane parallel electrodes of the same area have been used rather
often for work in anhydrous media. They give a uniform current distribution. An example
of one such cell with a reference electrode is shown in Fig. 3 [48]. It has a small distance
between the electrodes, which is suitable for work in media of low electrical conductivity.

In an H cell for electrolysis in liquid ammonia, a connection between the anode and
cathode chamber above the level of the solution is necessary to equilibrate the pressure in
the system [49].

Cylindrical Cells. From the preceding discussion it should be clear that it is difficult
to realize a preparative cell with a strictly uniform current and potential distribution,

Magnet Mercury Cathode  Graphite Anode

Figure 2. Semimacroscale electrolytic cell. (From Ref. 44.)
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Figure 3. Electrolysis cell. A, B, fritted glass disks; C, electrolytic junction between solution and
reference electrode: D, platinum grid; E, magnetic stirrer (in Teflon); F, Teflon gasket; G, Torion
stopper, H, glass tube: J, ground glass surfaces; K, locking screw; L, bubbler. (From Ref. 48.)

especially with a mercury electrode with which the condition of parallel electrode surfaces
of same area is not easily fulfilled. A good approach has been given by Moinet and Peltier
[8]. and a schematic representation of the construction is shown in Fig. 4. Special attention
has been paid to the problem of renewing the mercury electrode surface with minimal
variation in the distance to the reference electrode. This has been done by stirring at
moderate speed with a magnetic mounted on a Teflon cross turning on a short axis
centered at the bottom of the vessel. Good thermal stability is secured by a cooling coil
through the anode compartment connected in series with the outer bath. The cells have
been proved to work satisfactorily with currents up to 3 A in a well-conducting aqueous
medium. A cell for preparative electrolyses on a 0.1-1 mol scale with anolyte flow has been
described [50].

To increase mass transfer the solution is generally stirred; alternatively, the working
electrode may be rotated [51,52] or vibrated [9]. Rotation works well for laboratory cells
but is less suited for industrial cells.

¢. Flow Cells. In principle a batch cell can easily be changed to a cell with flow
operation simply by adding an external loop with a pump to recirculate the electrolyte.
Such a loop also enables the cell to work with a larger reservoir of electrolyte and sub-
strate. An external heat exchanger can also conveniently be included. However, this
does not change the basic concept of the cell; only the batch size may be increased.

A cell for continuous flow operation must be designed with a high electrode sur-
face-electrolyte volume ratio, provided with a feeding system, and, last but not least,
connected with suitable auxiliary equipment for continuous removal of the product(s) of
electrolysis and reestablishment of the electrolyte composition. The continuous workup
procedure during electrolysis is somewhat inconvenient in the laboratory, and conse-
quently small continuous flow cells have mostly been operated with recycling to a
reservoir before scaling up. Large cells and their industrial applications are discussed
in Chapter 31.
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Figure 4. 1, Cathode connection; 2, SCE reference electrode; 3, thermometer; 4, available, for
example, for reflux condenser; 5, gas inlet. (From Ref. 8.)

Undivided Flow Cells. A simple cell for large-scale laboratory electrolysis of
organic compounds is shown in Fig. 5, and this concentric capillary gap cell has been
used for many anodic reactions [53].

The cathode (A) is a 2-mm-thick stainless-steel tube 300-500 mm long with inner
diameter 44 mm. The anode is a cylindrical graphite rod 40 or 43 mm in diameter; the
distance between cathode and anode is thus 0.5 or 2 mm. The solution is pumped in at C,
and leaves the cell at C,

A somewhat similar cell design has been used in the equipment for electrolytic
reductions in liquid ammonia for both static and circulating media; in this case the center
electrode is a sacrificial magnesium anode [54].
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Figure 5. Cross section of concentric capillary gap cell. A, cathode; B; and B-, anode support; C;,
outlet; C-, inlet; D, anode; E, silicon rubber seal. (From Ref. 53.)

Divided Flow Cells. Filter press (plate and frame) (Fig. 6) cells may be used with
and without diaphragm: this type of cell 1s treated in Chapter 31. Filter press cells for
laboratory-scale work are now available commercially. It might be pointed out that when
commercializing a process is a possibility, it might save time to switch early to a cell type
akin to those usually employed in large-scale operations.

The various configurations for a reference electrode in such a parallel plate cell have
been analyzed; a convenient way is to place the reference electrode in the feed line and
compensate for ohmic potential drop [S5].

The importance of high rates of mass transport for a clean and efficient electro-
synthesis using a filter press reactor has been stressed, and the effect of inclusion of a
platic mesh turbulence promoter considered [56]. A multipurpose filterpress cell for
continuous electrolysis of organic compounds has been described [57]. and a mathe-
matical model of the startup of a continuous parallel-plate reactor has been published
[58].

The possibility of studying the hydrodynamic of a filter press laboratory cell by
impedance spectroscopy and, together with voltammetry, the kinetics of an electrochemi-
cal system has been explored [59].

Laboratory and industrial parallel plate cells (filterpress cells) are commercially
available from ICI [60], Electrocell AB/Electrosynthesis [61], Reilly Tar and Chemical
[62]. and FElectricity Company [63].
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Figure 6. Filter press (plate and frame) cell: 1, catholyte; 2, anolyte.

d. Cells With Porous Electrodes. Porous electrodes have certain advantages and
disadvantages. An advantage is that a single flow through the electrode may be suffi-
cient to reduce the substrate completely; a disadvantage is that a control of the effective
potential is difficult. Cells with porous electrodes may be used with or without a dia-
phragm [64-67]. In Fig. 7 is shown a cell that may be used with one, two, or three elec-
trical circuits; it has been used for the preparation of nitroso compounds by reduction
of nitro compounds to phenylhydroxylamines and oxidation of the latter. To balance
the different requirements for the cathodic and anodic reactions, one or two extra elec-
trical circuits were employed.

A special kind of porous electrodes is gas diffusion electrodes which mostly have
been used in fuel cells. A gas diffusion anode for hydrogen [68—73] may consist of three
layers: a metal current collector, a hydrophobic gas-porous layer, and a catalyst layer. The
hydrophobic layer is often based on polytetrafluorethylene, which is made electric con-
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Figure 7. Schematic diagram of the cell and current distribution with one (ix =is = 0), two
(ix # 0 and iy = 0), or three (i # 0 and is # 0) electrical circuits. A, ammeter; P, potentiostat;
V, power supply; a, porous working electrode; b, auxiliary counterelectrode; ¢, porous insulator; d,
fritted glass separator; Eg, reference electrode. — . electrode flow circuit. ijg =1, +1iy;io, =i +1i,.
(Reprinted from Ref. 67 by permission of Chapman and Hall.)



236 Lund

ductive, e.g.. with acetylene black. The three layers can be prepared separately and then
pressed together. The pressure used is critical. The gas diffuses through the porous backing
into the catalyst layer, where the electrolyte is present and the electrochemical reaction
takes place. An example of the construction of a gas diffusion anode and a cell equipped
with one is shown in Fig. 8 [70].

Gas diffusion electrodes have not been used much in organic electrochemistry, but
using hydrogen in a gas diffusion electrode as the anode may have several advantages,
such as low anode potential for the anode reaction (oxidation of hydrogen to protons) and
the elimination of the need of addition of acids for supplying protons for the reduction of
an organic compound by the formation of protons in the anode reaction; furthermore,
oxygen evolution at the anode is avoided and gaseous by-products may escape through the
gas diffusion electrode. In the reduction of 3-hydroxybenzoic acid to the alcohol using a
lead cathode and a gas diffusion anode, the cell voltage was about 40% less for this
undivided cell compared to the traditional divided cell [71].

A reaction in which two gas diffusion electrodes were employed is the simultaneous
reduction of carbon dioxide and nitrate with various metal catalysts at the gas diffusion
and a hydrogen diffusion electrode as anode [72].

wire to the wire to
metal screen the anode

pressed
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metal waterproof gas catalylic
screen / penetrating layer layer

Figure 8a. Construction of a gas diffusion electrode. (Reprinted from Ref. 70 by permission of
Chapman and Hall.)
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Figure 8b. Cell with a gas diffusion electrode as anode.
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e. SPE Cells. Solid polymer electrolytes (SPE) may be used in organic electro-
synthesis [9,74-78]. The electrode material, usually platinum or gold, may be deposited
on one or both sides of a membrane [74], such as Nafion. or a metal grid is pressed
against the membrane [75], The deposited metal may be modified by deposition of other
metals to increase the hydrogen overvoltage, for example [76].

An advantage of the use of SPE is that no supporting electrolyte is required, so
reduction can be made in other solvents than are usually employed, and one of the
electrodes may even be in contact with gas phase rather than with a solvent [78].

A cell using solid polymer electrolyte (SPE) is depicted in Ref. 79.

C. Cells with Three-Dimensional Electrodes

Cells with three-dimensional electrodes have bipolar electrodes; such electrodes are char-
acterized by the feature that one part of the electrode is anode and another part cathode.
This can be realized in different ways, such as the pile capillary gap cell (Beck/Guthke cell,
Chapter 32) [9,80], the “*Swiss roll cell” [81], and packed- and fluidized-bell cells (Chapter
32) [82-84]. These cells are developed to meet economic demands, such as high space—time
yield and simplicity in construction; they are discussed in Chapter 31.

D. Special-Purpose Cells

A number of cells described in the literature are not aimed primarily at preparative
electrolysis, but as means of generating intermediates to be investigated by some physi-
cal-chemical method, generally some sort of spectroscopy; such cells are not discussed
here.

For certain purposes, electrolysis of thin layers is advantageous; a cell with a well-
defined thin layer and a uniform potential distribution has been described [85]. Cells for
electrochemistry at very low temperatures have been constructed [86].

Optically transparent electrodes (OTE) have been used for many kinds of spectro-
electrochemical investigations; several aspects of this type of research have been covered in
reviews [87].

Cells for electroanalysis in supercritical and near-supercritical liquids have been
described [88,89]. including one in which the pressure can be varied independently of
the temperature [90].

A cell for sonoelectrochemistry with a variable distance between the electrode and
the ultrasonic horn has been published [91].

lll. DIAPHRAGM MATERIALS
A. General Considerations

Although an undivided cell is favored from an economical point of view, it is often
necessary to separate the anode chamber from the cathode compartment by some kind
of diaphragm. The ideal material should be an electric insulator chemically inert to and
preventing the interdiffusion of the anolyte and catholyte components while presenting
only a little resistance to the electric current. For practical reasons, the material should
also possess reasonable mechanical strength and good dimensional stability. No real
material can fulfill all of these demands simultaneously, and it is generally necessary by
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trial and error to find a suitable compromise with which the deviations from the ideal can
be tolerated for the given process. Fortunately, there is a rather wide selection of available
refractories, membranes, and woven materials, especially for laboratory cells, for which
the engineering demands are less strict than for production cells.

The diaphragm materials can be divided into two categories according to the
mechanism by which the electric current is carried through the medium: porous materials
and ion-exchange membranes [or nonpermselective and permselective materials (Chapter
31)]. With porous materials a more or less tight barrier is offered to the diffusion of both
ions and uncharged species, and the electrical resistivity generally increases drastically with
decreasing pore size. Thus there is no change in the transport number of the ions as in the
case of ion-exchange membranes, which are able to discriminate between ions of opposite
charge to a very high degree according to the type of membrane material. A seepage of
neutral compounds through an ion-exchange membrane is often unavoidable [92].

B. Porous Materials

Porous materials have mostly been used when ion-exchange membranes are less suited or
cannot be employed, for instance, in aprotic media. Most common are sintered glass
(especially suitable for all-glass cellsy and ceramic refractories, such as Alundum, unglazed
porcelain, and pottery. These materials are available in many different sizes, shapes, and
porosites, which is convenient for laboratory purposes. A serious drawback is that for
greater pieces of material the wall thickness must be considerably increased to obtain a
satisfactory mechanical strength; this, however, results in a higher voltage loss in the
diaphragm, with consequent unproductive heat generation, and limits the cell size in
practice. The ceramic materials are also less suitable for diaphragms for prolonged opera-
tion in alkaline media, as the ceramic matrix that holds the grains together is attacked.

Materials of more or less broad utility, reported in the literature, include the follow-
ing: filter paper [93], asbestos [51, 94, 95], cellophane [96], nylon cloth [52], and porous
plastic [97]; other potential candidates are listed in Chapter 31. The porosity of the med-
ium may be decreased by partially filling the voids with another material, such as agaragar,
silica gel [9], or magnesium hydroxide.

C. lon-Exchange Membranes

Ion-exchange membranes are classified according their function as follows: cation
exchange membrane, anion exchange membrane, amphoteric ion exchange membrane,
bipolar ion exchange membrane, and mosaic ion exchange membrane.

In most cases the cation-exchange type (H' form) of membranes [98-100] has been
used in electrolytic cells, but membranes enabling the anions to pass are also available. It
must be remembered that if the membrane is not of completely homogeneous polymeric
structure (it may be finely dispersed in some binding matrix), channels usually exist
through the matrix, making it less permselective. When the product of electrolysis or
the starting material is an ion with a charge opposite to that of the working electrode
(e.g.. reduction of trichloroacetic acid in ammonium buffer), it is especially advantageous
to use an ion-exchange membrane as diaphragm to avoid loss of depolarizer or product
due to electrical migration out of the working electrode component. In some cases [74-79]
the ion-exchange membrane serves both as a diaphragm and as an electrolyte.

The polyelectrolyte membranes are often the material of choice for production cells,
and hence a more detailed discussion of their properties is naturally postponed to Chapter
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31. Several examples of cells employing ion-exchange membranes have been given in the
section on cell construction. Ion-exchange membranes are also used for electrodialysis.

Reviews have been published on the application of ion-exchange membranes as
separators in electrolytic reactions [101] and on bipolar ion-exchange membranes for
the production of acids and bases from neutral salts [101,102].

IV. ELECTRODE MATERIALS
A. General Considerations

The electrode material is an important factor in directing the course of an electrode
reaction, but the influence of the electrode material is one of the least understood points
in organic electrolysis. It is known that hydrogen or oxygen overvoltage, catalytic effect,
adsorption of substrate to the electrode, the nature of impurities and added components,
and the physical state of—and even the history of—the electrode may influence a branch-
ing of an electrode process. Efforts have been made to clarify the situation, and although
some knowledge has been gained, research in this area is very much needed. Besides the
factors already mentioned, the resistance of the electrode toward corrosion must be con-
sidered when the electrode material is chosen. A review on electrode materials has been
published [103].

The hydrogen overvoltage of an electrode material is an important factor in reduction
in protic solvents, as it determines how negative the potential may be before the reduction
of the medium starts to compete seriously with the electrode reaction of the substrate.
Metals can be divided into low-, medium-, and high-overvoltage materials. In the first
group is platinized platinum; in the second one, smooth platinum, nickel, palladium,
rhodium, nickel, and copper; in the third group, tin, lead, cadmium, and mercury. An
electrode with high hydrogen overvoltage is also obtained at a nickel-poly(tetrafluoroethy-
lene) composite-coated electrode [104-106]. The values of hydrogen overvoltage of differ-
ent materials in tables depend on the current density at which they are measured.

Hydrogen overvoltage is caued by a slow step during the electrolytic evolution of
hydrogen; the reaction involves the following main steps:

H:;)lv +e = Hads (l)
Hads + H;lv + e = Hzads (2)
Hzads = Hggas )

The first reaction [107] (1) is believed to be the slow step on mercury and other high-
overvoltage metals. This means that no appreciable concentration of adsorbed hydrogen
atoms is present on mercury and implies that at mercury cathodes the reduction occurs by
a transfer of electrons directly to the substrate not via adsorbed hydrogen atoms. This
implication has been tested [108] and confirmed in the reduction of acrylonitrile in the
presence of hydrogen ions.

At electrodes of low hydrogen overvoltage, reaction (2) is considered [109-111] the
slow step, which implies that the electrode surface is covered to a certain extent with
adsorbed atomic hydrogen. This is consistent with the finding that reduction at such
electrodes in many cases occurs by the electrocatalytic reaction [112,113], which in
many respects is similar to the well-known catalytic hydrogenation reaction.

Oxygen overvoltage plays a similar role in anodic reactions as hydrogen overvoltage
in reductions, but the choice of anode materials with different oxygen overvoltages is very
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restricted as the overriding consideration is the corrosion resistance of the material.
Smooth platinum, gold, lead dioxide, and glassy carbon are among the resistant anode
materials with high oxygen overvoltage.

The catalytic effect of the electrode material on the branching of an electrode reac-
tion is most often apparent at cathodes with low overvoltage but may also be observed at
materials with high hydrogen overvoltage. In the reduction of acetone in 6 N H,SO, at a
platinized platinum electrode, two independent paths are accessible: One leads to propane
and the other to isopropyl alcohol. The rate of formation of these two products depends
on the voltage and on the history of the electrode.

The catalytic effect of high-overvoltage electrode materials may be exemplified by
the reduction of ketones in hydrochloric acid at mercury and cadmium or amalgamated
zinc electrodes; at mercury, alcohols, pinacols, organic mercury compounds, or sometimes
hydrocarbons may be formed (Chapter 10), whereas at cadmium, the reaction is to some
degree analogous to the Clemmensen reduction and yields methylene compounds [114].

Some examples of the effect of the electrode material on the branching of reactions
are the reduction of benzyltriethylammonium nitrate in dimenthylformamide (DMF) to
bibenzyl or toluene at aluminum or platinum electrodes [115] and the reduction of alipha-
tic aldehydes [116] or alkyl arylketones [117] at different materials.

Chemical modification of the electrodes may change the catalytic effect of electrodes.

Adsorption of the substrate at the electrode plays an only partly understood role,
predictable only with difficulty, in organic electrochemistry. An example of the influence
of adsorption is found in the Kolbe reaction in an aqueous acetate solution at smooth
platinum and gold electrodes. Although both materials have high oxygen overvoltage, the
Kolbe reaction takes place only at platinum and at a potential higher than that of the
oxygen evolution. Addition of indifferent electrolytes that compete with the acetate ions in
the adsorption at the electrode lowers the yield of the Kolbe product. In methanol, in
which adsorption is less important than in water, the Kolbe reaction proceeds both at
platinum and gold anodes.

The surface may influence the catalytic activity of the electrode and the adsorption of
the substrate. Sometimes in the reduction of certain nitro compounds at a tin electrode, for
example, the surface changes during the electrolysis as if some of the metal has been
dissolved and reduced again [118]. Such a phenomenon is also observed during the reduc-
tion of m-nitrobenzenesulfonic acid in a fluidized bed electrode [119]. The role of stannous
salts (Chapter 29) added to the catholyte in certain reductions has a bearing on this
problem.

Porous electrodes may be used to achieve a high space-time yield, as they possess a
large internal surface. A consequence of using such electrodes is, however, that interior
mass transfer and ohmic resistance effects may lead to a nonuniform potential distribu-
tion, which affects the selectivity of the reaction. The cell design and the adjustable para-
meters must thus be optimized for each reaction [64-67,120].

Porous electrodes for hydrogen gas diffusion electrodes were discussed earlier. The
main advantage of such electrodes are a low anode potential, elimination of the need of
adding protons for the reduction, and avoidance of dioxygen evolution. The advantage of
a low anode potential can be illustrated by the observation that in the reduction of glucose
to sorbitol the cell voltage could, by employing a hydrogen-diffusion anode, be decreased
by 50% compared to the conventional cell. The reduction could be made without a
diaphragm, which reduced both the cell voltage and the cost of the cell [69-73].

Impurities in the electrode material may modify its properties both in negative and
positive directions; the latter may be exploited by using alloys, adatoms. or additions. The
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desired modification may be an enhanced mechanical strength, a higher catalytic activity
of the electrode material, or a greater resistance toward corrosion. In some cases, however,
the amount of side products is increased by the presence of impurities.

An illustration is the increased rate of the electrocatalytic reduction of 4-methylstyr-
ene on deposition of small amounts of platinum or gold on a palladium cathode [121].

B. Cathode Materials

The choice of cathode materials is less restricted by corrosion considerations than the
choice of anodes; so few metals react readily with the medium that their use is impractical.
Some of the most popular electrode materials are mercury, lead, tin, copper, iron, alumi-
num, platinum, nickel, and carbon.

1. Mercury

Mercury has been used extensively in electrochemistry in the past because of its many
good properties, but its use is declining due to health and environmental problems.
Mercury is not used in industrial cells anymore.

Mercury has a very high hydrogen overvoltage. It is obtained commercially suffi-
ciently pure for electrochemical purposes. Stirring of a mercury electrode provides a clean,
reproducible surface, which is one of the major advantages of mercury. Another is that in
electrolysis at a mercury cathode, results obtained from polarography can be used for
selecting the optimal conditions. On the other hand, the liquid state of mercury places
certain restrictions on the design of cells employing mercury cathodes. In some cases,
amalgamated copper or lead electrodes may be used, with the amalgamation being done
either by treating the solid electrode with a solution of mercuric chloride or simply by
rubbing mercury on its surface.

A mercury cathode mostly functions only as an electron donor; numerous examples
of such simple reductions have been reported. In some cases, however, the electrode is
attacked with the formation of organic mercury compounds, e.g., by radicals during the
reduction of a halide. When using mercury, suitable precautions must be taken to avoid
mercury poisoning and environmental pollution.

As an anode, mercury has a very limited use as it is attacked at rather low anodic
potentials. It has been used as an anode in the preparation of mercury salts of weak acids
[122]; other metals may be used similarly.

2. Lead

Lead has been much used as a cathode material ever since the beginning of organic
electrochemistry; it has a high hydrogen overvoltage and is easy to work mechanically.
The purity of the material is important in some, but not in all, cases, and different
procedures involving successively anodic and cathodic treatments have been recommended
in order to obtain a pure, reproducible surfaces. Sometimes a lead cathode becomes
deactivated during electrolysis, and a continuous addition of Pb>" to the catholyte may
prohibit such a deactivation [123]. It has been observed that the chemistry of freshly
deposited lead and copper is markedly different from that of bulk metal [124].

In many reductions a lead cathode yields the same kind of product as a mercury
electrode, but in some cases it is either inferior or superior to mercury. The latter is found
in the reduction in sulfuric acid of aromatic acids to the corresponding alcohols. In such
cases, specific adsorption of the substrate at the electrode may partly exclude the discharge
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of hydrogen ions and thus promote transfer of electrons to the substrate, but the nature of
this (assumed) adsorption is only partly understood.

If the potential of a lead electrode becomes too negative in a solution of NaOH,
formation of Pb(Na) is observed; at high current densities it is visible as a black cloud
coming from the electrode. Even under other conditions, corrosion of a lead cathode
should be considered.

The mechanical strength of lead is low, which may be a problem in large cells. Lead
plated on titanium may be used.

3. Tin and Copper

Tin and copper electrodes have been used mostly in reductions of nitro compounds. It has
been noticed that the electrode surface of tin may change structure during an electrolysis.
This has been interpreted [118] as showing that the electrode material reacts “chemically”
with the substrate and the stannous (or stannic) ions are discharged subsequently. The
negative potential of the cathode would counteract the dissolution of the tin metal, but no
investigations using modern electroanalytical techniques have been made to settle the
question. It has been observed that the chemistry of freshly deposited copper is markedly
different from that of bulk copper [124] and may catalayze, e.g., a dehalogenation reac-
tion.

4. Cadmium and Magnesium

The hydrogen overvoltage of cadmium is rather large and cadmium may be used. plated
on steel, as an alternative to lead. Cadmium has been used as cathode material in the
hydrodimerization of acrylonitrile (Chapter 31). Magnesium may be used in reductive
dimerization of aliphatic esters [459].

5. Silver

Silver electrodes have been employed in form of an expanded silver sheet on a plastic plate
in the dehalogenation of polyhalogenated heterocyclic compounds; examples are given in
Chapter 18.

6. Aluminum and Iron

Aluminum and iron (steel) have not been used widely in laboratory cells but are preferred
in technical installations when possible (Chapter 31).

7. Carbon

Several forms of carbon has been used as cathode, the most common being glassy carbon,
carbon cloth, and graphite. Carbon cloth electrodes are convenient when a large surface is
essential. The surface of graphite (and to a lesser degree glassy carbon) contains different
oxidized groups, such as carboxyl, hydroxyl, carbonyl, and quinones. In some cases, such
groups catalyze a specific reaction [125]; they are also essential for a chemical modification
of a carbon electrode.

8. Composite Electrodes

Such electrodes have mostly been used as anodes, but cathodic redox catalysis is also
possible. In Ti/TiO, composite cathodes, prepared by the ceramic method, Ti(OH), is
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reduced to Ti(OH);, which “chemically” reduces the substrate, such as aromatic nitro
compounds [126], in an ““inner sphere” electron transfer reaction.

9. Electrodes for Electrolytic Hydrogenation

Nickel (Raney nickel) [113,127-130], Devarda copper [131], ruthenium on nickel [132],
palladium on felt [133], and platinum have a low hydrogen overvoltage with the formation
of the catalytically active metal-bonded hydrogen atoms, Me(H), as the potential-deter-
mining step. These metals are used for electrocatalytic hydrogenations. Deposition of
platinum or gold on a palladium sheet may increase the rate of hydrogenetion of some
compounds [121]. As other hydrogenation catalysts, these materials can be poisoned;
regeneration of poisoned Raney nickel electrodes has been described [134]. A discussion
of the formation of nickel hydride in alkaline solutions has recently appeared [135].

Addition of a low concentration of a non-micelle-forming surfactant may strongly
increase the adsorption of an organic compound, which favors the hydrogenation reaction
over the hydrogen evolution. [136].

10. Sacrificial Cathodes

Phosphorus [137], sulfur [138-140,143], selenium [141,143], and tellurium [142,143] elec-
trodes may be used for incorporation of these elements in organic compounds. Sulfur and
selenium are used in a mixture with graphite, whereas white phosphorus may be used
melted or in contact with carbon or mercury; tellurium has sufficient conductivity to be
used directly or applied on a platinum electrode.

A convenient arrangement of a sacrificial selenium cathode is the “‘tea bag”™ method,
in which a graphite cloth bag is filled with selenium pearls [143]. Other forms of sulfur or
selenium electrodes have been described [144].

A somewhat similar approach has been used by mixing a finely dispersed, slightly
soluble organic solid into a paste with graphite powder; an aqueous electrolyte was
employed. Thus, p-dinitrobenzene has been reduced to p-nitrophenylhydroxylamine by
this method [145].

C. Anode Materials

The choice of anode material is very limited because most metals are attacked in the
anodic reaction. In laboratory experiments, platinum, gold, and carbon are most widely
used; lead containing a small percentage of silver and lead dioxide can be employed in
dilute sulfuric acid and iron and nickel in alkaline solution.

1. Platinum

Platinum is used both as microelectrode and in macroscale electrolysis; for larger electro-
des platinum plated on titanium may be useful. Platinum is in aqueous solvents probably
covered with an oxide at potentials more positive than about 0.75 V (SCE) [146,147], so
the electrode material may actually be a platinum oxide.

In some anodic reactions, especially in aprotic media, the products obtained form a
layer of tarry material on the electrode surface that (by covering it) insulates it electrically
from the solution. The removal of this layer and the attainment and maintenance of a
clean, reproducible surface are often a major problem in the use of noble metal anodes.
Sometimes it is possible to avoid fouling of the electrode by using pulse electrolysis.
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2. Carbon

Graphite electrodes are very useful as anodes; electrodes of natural graphite, however, are
not as resistant toward corrosion as platinum electrodes and thus have a limited lifetime.
Graphite is available in many forms, one resembling cloth, which is convenient for labora-
tory purposes, and another one being glassy carbon. Glassy carbon (vitreous carbon) can
be used in many cases in which platinum previously was used. The properties of glassy
carbon depend above all on the temperature at which it is made [148,149].

On electrooxidative pretreatment in aqueous media of glassy carbon the surface is
modified; the anodization results in a higher background current, increased reversibility,
and decreased oxidation potential of some compounds. The effect depends on pH and the
supporting electrolyte [150].

Oxidation of organic substrates at a graphite anode often results in products other
than oxidation at a platinum electrode; the tendency to further oxidation of a primarily
produced radical to a carbocation seems higher at carbon than at platinum. Products
obtained at graphite, glassy carbon, or other forms of carbon may differ considerably
[148-151]. Glassy carbon is difficult to work mechanically.

In voltammetry it is important to secure the reproducibility of solid electrodes. In the
carbon paste electrode the problem of contamination of the surface is solved by producing
a fresh surface for each run.

3. Lead and Lead Dioxide

Pure or alloyed lead may be employed as anode in sulfuric acid; addition of 1% silver,
0.3% tin, and a little cobalt raises its resistance toward corrosion. Other metals may
improve the yield of a given electrode process. Thus, addition of antimony and cadmium
to a lead anode [152] is advantageous in the oxidation of o-toluenesulfonamide to o-
benzoylsulfonimide (saccharin). The same effect may be obtained, however, by using an
uncoated, unalloyed lead anode if Sb,Oj3 is added to the anolyte [153]. It seems possible
that the dissolution of some antimony from the alloyed lead anode takes place and
produces the same effect as the Sb,0O; in the anolyte.

In many cases the surface of the anode is oxidized to lead oxide, which thus is the
real anode material. Titanium anodes coated with lead oxide have been found to have a
long lifetime [154,155]. In some cases the lead dioxide, a strong oxidant in acid solution,
reacts chemically with the substrate [156] and is continuously regenerated whereas it acts
as an inert electrode in other oxidations. A review of the basic electrochemistry of PbO,,
mainly in relation to the lead battery, has been published [157].

4. Nickel

A nickel anode is in alkaline solution protected against corrosion by a layer of nickel
oxides. Ni™ oxide (NiOOH) is capable of oxidizing a number of functional groups;
primary alcohols may be oxidized to carboxylic acids [158-161], which is of interest for
the technical production of an intermediate for vitamin C production [162]. NiOOH
chemically oxidizes the substrate and is regenerated electrochemically; a large anode
surface, which is realized in the Swiss-roll cell (Chap. 31), is thus advantageous.
NiOOH electrodes in form of nickel foam electrodes has been found to be useful for
the oxidation of diacetone L-sorbose to diacetone 2-keto-L-gulonic acid in the vitamin C
synthesis [163].
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5. Dimensionally Stable Anodes (DSA) and Composite Anodes

These materials [164-166], consisting of precious metal (e.g., ruthenium) oxides coated on
baser metals (e.g., titanium), have already had a major impact on the chloralkali industry
as replacements for graphite. Sometimes an inactive oxide (e.g. TiO,) is mixed with the
catalyst to improve corrosion resistance [167]. These types of electrodes may in many cases
be used where previously only platinum could be employed and may thus make a number
of organic electrosyntheses possible that were not considered industrially viable due to the
price of platinum.

Titanium/chromium oxide (Ti/Cr,O; + TiO,) composite electrodes, fabricated by a
ceramic method [168], may be used for oxidation of organic compounds. The chromium is
oxidized to CrO;, which chemically oxidizes the substrate. The lifetime of the electrode
may be improved by doping with Sb,Os.

Ebonex is a conducting ceramic material mainly composed of the Magnéli-phase
titanium oxides, Ti;O; and Ti;Oy, resistant to anodic corrosion in a wide range of media.
Electrodeposition of a metal changes the low electron transfer rates of the ceramic mate-
rial to that of the bulk metal [169].

6. Sacrificial Anodes

Anodes of magnesium, aluminum, or zinc may be used as sacrificial anodes [170-179]; in
most cases DMF has been used as solvent, but other dipolar, aprotic solvents may be
employed. A main advantage of the use of sacrificial anodes in aprotic medium is the lack
of need for a diaphragm, which often is a problem in such solvents. Another advantage is
that only a small concentration of supporting electrolyte is needed, as the Me"" formed
during the electrolysis helps carry the current. Furthermore, Me™ may play a special role
(e.g. salt formation during carboxylation and with other anions to avoid unwanted further
reactions, replacement of a mediator cation with Mg2+, e.g.. exchange with samarium
ions, or furthering a dimerization) during the reaction. The choice of metal depends
among other considerations on the redox properties of the substrate and products; zinc
is convenient for reactions with compounds having reduction potentials higher than about
—1.3 V (SCE), whereas magnesium and aluminum may be used in reactions where the
substrate is reduced at potentials higher than about —2.8 V (SCE). An electrochemical
reactor with a consumeable anode with the active metal in a granular form has been
described [174].

Application of zinc as a sacrificial anode often overcomes the difficulties with activa-
tion of zinc in the Reformatsky reaction and the problems with uncontrolled exothermic
reactions. When zinc or indium is employed for the reaction, the amount of electricity used
is less than the theoretical, and this suggests that the anode acts as activated metal and
reacts with the bromo compound [175].

When using sacrificial magnesium anodes in DMF, an overconsumption of metal
is observed; it has been shown that electrochemically scouring of magnesium induces a
chemical reduction of DMF, possibly primarily involving a reductive dimerization
[176].

A catalyst of the Friedel-Craft type, which promotes the acetylation of aromatic
compounds, has been prepared using aluminum as sacrificial anode [177.178].

In some older papers the reduction of some compounds by anodically generated
Mg™* [180.181] has been described. It has not been investigated whether Mg™ (or finely
divided Mg?) plays any role during electrolysis using sacrificial magnesium anodes.
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7. Hydrogen

The oxidation of hydrogen to protons as anode reaction is conceptionally attractive, and
the use of a hydrogen diffusion anode should be considered in more cases of electroorganic
reductions than has been done until now [68-73].

8. Mercury

Mercury is generally not useful as an anode, however, it has been used as anode in the
preparation of mercury salts of weak acids [122]; other metals may be used similarly.

D. Electrodes with Chemically Modified Surfaces

Recently, considerable interest has been shown for electrodes on which the surface has
been modified chemically (CME, chemically modified electrodes). The emphasis in the
investigations has mainly been on studying the preparation, properties, and mechanism
of the electron transfer, but gradually the emphasis in the field is shifting to applications:;
the use of CME for induction of chirality is treated in Chapter 26.

Electrodes may also be modified by deposition of metal adatoms at potentials several
hundred millivolts positive to the reversible potential for metal deposition. A submono-
layer of adatoms may lower overpotentials for electron transfer processes or improve the
selectivity of an electrocatalytic surface. Underpotential deposition and electrocatalysis
have been discussed in a review [182].

V. REFERENCE ELECTRODES
A. General Considerations

A reference electrode [183-185] is a half-cell that defines a potential to which all other
measurements are referred. The primary standard electrode is the standard hydrogen
electrode (SHE), but as this electrode is inconvenient for practical work, other reference
electrodes are used. Such reference electrodes must have a potential that changes very little
and is known to within 1 mV or so. In some cases of controlled potential electrolysis, it is
sufficient to know the potential of the working electrode during the electrolysis within 10-
20 mV, because the potential variations between different points of the electrode are of this
magnitude (see earlier), and less precise electrodes may be termed comparison electrodes.
In principle, any electrode at the surface of which an electrochemical reaction with a large
exchange current can take place may be used as a reference electrode.

Several problems are encountered when potentials in different solvents are sought
compared to the potential scale in water. A variety of approaches [186-194] have been
followed to attack this problem; usually the approach has been to introduce some kind of
nonthermodynamic assumption, such as the supposition that certain large, monovalent
ions (Rb*, CS™) [191] or redox systems [186-188] of the charge type n/n + 1 (preferably
0/ + 1 [186,187]) have a nearly equal free energy of solvation in the two solvents so that
the free energy of a transfer of the reference ion is small. The redox couples [194] ferro-
cenium/ferrocene and bis(biphenyl)chromium(I)/bis(biphenyl)chromium(O) (BCr*/BCr)
have been recommended as reference redox systems for measurements in nonaqueous
solvents; however, an investigation concluded [195] that the electrochemistry of ferrocene
in MeCN at microelectrodes was far from ideal, as some film formation may occur.
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Liquid junction potentials may be a problem. For electroanalytical work it is essen-
tial that the potential values are not made uncertain by unknown liquid junction poten-
tials, and the use of an internal standard such as ferrocene is recommended. In preparative
reactions the reference electrode has to be separated from the medium, but as long as the
liquid junction potential can be held reasonably constant it is not a serious problem.

The contact between the reference half-cell and the test solution requires some con-
sideration. The ohmic reistance of the electric contact should preferably be kept low and
contamination of the test solution by the reference electrode and vice versa must be
avoided. Usually some kind of salt bridge with or without a diaphragm is employed.
The liquid junction potential is lowered if a salt, such as KCl, with nearly equal mobilities
of the cation and anion is used. The diffusion between the two half-cells is discouraged by
introducing some kind of diaphragm, such as a salt-saturated agar gel, a fritted glass plate,
asbestos fibers, a fritted glass membrane, cracked soft glass [196], or a Teflon roll junction
[197]. A considerable ohmic resistance may be introduced simultaneously, which puts
certain requirements on the internal resistance of the potential-measuring device.

The ideal reference electrode is indefinitely stable, unpolarizable, easy to handle,
temperature independent, has a low resistance, and does not cause contamination of the
test solution.

A stable potential of a reference electrode is very important. Instability may be
caused by several factors. One of the components may be unstable in the solvent. Thus,
mercurous chloride is unstable in acetonitrile and a calomel electrode is unreliable in this
solvent. Evaporation of solvent from a standard solution, the concentration of which
determines the potential, changes the potential. A liquid junction potential may change;
this is observed when an aqueous calomel electrode, connected to the test solution through
a diaphragm, is used for measurements of potentials in acetonitrile for periods longer than
about 5 min (see later).

An unpolarizable electrode is an electrode the potential of which does not change
significantly when a small current passes through it. Most of the potential-measuring
devices used draw a small current from the reference electrode, depending on the resistance
of the circuit. Polarization is diminished by employing a reference electrode with an
electrode reaction with a high exchange current, with a large area, and with a sufficiently
high concentration of the potential-determining species, so its concentration is not chan-
ged appreciably by the passage of the current.

In some reference electrodes the concentration of the potential-determining species is
kept constant by maintaining a saturated solution of a suitable compound. The solubility
of a compound is generally temperature dependent, and the potential dependence on
temperature of such electrodes is thus higher than for other kinds of reference electrodes.

The reference electrodes have been divided according to the electrode reaction
responsible for maintaining the constant potential: In electrodes of the first kind, the
potential of the metal electrode is determined by the concentration of the metal ions; in
electrodes of the second kind, the potential is determined by the concentration of an anion
that forms an insoluble salt with the metal cation; and in redox electrodes, the potential of
an indifferent electrode is determined by the relative concentrations of the two compo-
nents of a redox system.

B. Electrodes of the First Kind

Metal electrodes of this kind require that neither the metal nor the metal cation reacts
chemically with the solvent; reactive metals may, however, be used as their amalgams.
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Electrodes of the first kind require a standardized solution in the half-cell, which
makes such electrodes less convenient to employ than most electrodes of the second
kind.

The silver/silver ion electrode is a widely used reference electrode [198] in nonaqueous
solvents, such as acetonitrile [199]. The electrode consists of a silver wire immersed in a
solution of AgClO,4 or AgNQs. It is connected to the test solution through a salt bridge
containing NaClO, or a tetraalkylammonium perchlorate and equipped with some kind of
device to diminish diffusion.

The Ag/Ag? electrode is reversible [200] in many solvents. The main advantage of
this and similar reference electrodes is that it allows working in a system containing a
single solvent. Silver ions react with certain organic solvents, such as DMF. and other
metal electrodes must then be used; however, a silver cryptate electrode [Ag/0.005 M Ag
Cryp(2.2)ClOy] is stable in DMF [201].

Silver perchlorate is hygroscopic and has a tendency to explode. Handling AgClO,
may be avoided by its electrolytic preparation in the reference electrode [202]: Current is
passed through a silver anode in an anolyte containing a soluble perchlorate until the
desired silver ion concentration is reached. Silver nitrate may be used instead of silver
perchlorate, although it is not as fully dissociated in acetonitrile [203]. The influence of the
ion pairing on the potential has been discussed [204].

A zinc amalgam electrode has been employed as reference electrode in dimethyl
sulfoxide (DMSO) [205] and ammonia [206]. The saturated zinc amalgam was prepared
[207] by electrolytic deposition of zinc into a layer of pure mercury from an aqueous
ZnSO, solution. The solution in equilibrium with the Zn(Hg) consisted of a saturated
solution of Zn(ClOy),, 4DMSO or ZnCl,, 6NHj;.

The use of a sodium amalgam electrode [Na(Hg)/NaClOy(s)] in DMF has been
reported [205] and a similar lithium amalgam electrode has been employed in DMSO
[207]. The potential of the cell, Li(Hg)/Li* Cl~ (DMSO), has been measured for LiCl
concentrations from 0.01 to 1.0 M and the Nernst relation was verified within 1 mV;
the Li(Hg) electrode obeys the Tafel equation with the transfer coefficient o = 0.5 over
a current density range from 107 to 2 x 1073 A/cm, [207].

A special reference electrode is the electron electrode, which can operate in solvents
capable of solvating electrons, such as ammonia. A sheet of platinum suspended in a
solution of sodium metal in ammonia may be used as a reference electrode [208]. The
concentration of the reference solution can be varied over relatively wide limits without a
change in the potential of the electrode. A sodium concentration of 0.001 M was found
suitable [208].

C. Electrodes of the Second Kind

An electrode of the second kind may be used if the metal cation forms an insoluble salt
with an anion, but from the point of establishing a satisfactory reference electrode of this
kind, the most interesting constant is not the solubility constant, but the equilibrium
constant for the reaction

MCX(S) + X" = MeXg_
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1. Calomel Electrode

The saturated calomel electrode (SCE) is probably the most widely used reference elec-
trode. It consists of a mercury electrode in contact with a solution saturated with respect to
both Hg,Cl, and KCI. The half-reaction is

He,Cl, + 2¢™ = 2Hg + 2CI”

The activity of the potential-determining mercurous ion is maintained constant
through the solubility product Hg,Cl, by the constant activity of Cl™ in the saturated
KCl solution, which is in equilibrium with solid KCI. The passage of current thus just
changes the quantities of the solid salts, Hg,Cl, and KCl, but not the composition of the
solution. The solubilities of Hg,Cl, and KCI1 change with temperature, and the potential of
the aqueous SCE versus NHE is E = 40.242 — 7.6 x 107*x (t°® — 25).

The “normal calomel electrode™ (NCE)., which employs a 1 N KCl solution instead
of a saturated solution, has a smaller temperature coefficient [E = +0.280 — 2.4 x 10™*x
(t° — 25) versus NHE], but because it requires a standardized solution it is less convenient
than the SCE. The potential change of SCE with temperature is less than 1 mV/degree and
is of no importance for controlled potential electrolysis.

Many designs of calomel electrodes exist, and several types are commercially avail-
able. Some of these are constructed for voltammetric work, whereas others are used in
connection with glass electrodes. The latter type generally has a high resistance, which
must be considered when the choice of voltmeter or potentiostat is made.

The use of SCE presents only a few problems in aqueous solution. For measurements
in nonaqueous solvents it can be employed in two fashions: The aqueous SCE can be
connected to the nonaqueous solvent through some device that hinders contamination of
the solvent, or an electrode analogous to the aqueous SCE may be constructed in the
nonaqueous solvent.

In many nonaqueous solvents a calomel electrode is inapplicable. In acetonitrile,
mercurous chloride, although insoluble, undergoes a disproportionation reaction in the
presence of excess chloride ion according to

Hg,Cl, + CI"—sHg® + HeCly

It is often possible to employ an aqueous SCE that is connected through a conven-
tional aqueous KCl-agar bridge to a suitable salt solution in the nonaqueous solvent,
which in turn dips into the solution under investigation. In such cases gradual deposition
of KCI1 and/or dehydrated agar at the tip of the salt bridge may cause the liquid junction
potential to change and thus the potential of the electrode to drift. The drift is often
negligible when the measurement is completed within about 5 min [209].

If chloride ions must be avoided, a mercury/mercurous sulfate electrode [Hg/
Hg,S0,(s), K5,S04(s); E =0.621 V versus NHE] may be employed. In alkaline solution
a mercury/mercuric oxide electrode (E = 0.098 versus NHE) may be useful.

The saturated silver/silver chloride electrode [Ag/Ag(Cl(s), KCI(s); E = 0.197 V ver-
sus NHE, E = —0.045 V versus SCE] is especially convenient as it can be constructed by
placing a silver wire in a solution of saturated potassium chloride, separated from the test
solution by an agar plug and a glass filter. An analogous electrode may be employed in
certain nonaqueous solvents, e.g., nitromethane ]202], acetic acid [210], and DMF [211],
but is does not work well in others, such as ammonia or acetonitrile [212], in which
complexes are formed that cause the potential to drift.

Often a silver wire in the medium may serve as a convenient comparison electrode,
the potential of which afterward is measured against added ferrocene.
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The copper fluoride electrode has been found to be a convenient reference electrode in
hydrogen fluoride [213].

The thallium amalgam/thallium chioride electrode [TI(Hg)/TICI(s), LiCl] is a stable
and reversible reference electrode in such solvents as DMSO and DMF [211, 214].
Similarly, the lead amalgam/lead chloride electrode [211,215] may be employed, but
this electrode takes a longer time to reach a stable potential than the TI(Hg)/TICI
electrode.

In dimethylformamide, a cadmium amalgam electrode [211,216] gives a reproducible
potential that is stable and well poised. The cadmium amalgam was prepared [216] by
heating cadmium with pure mercury for several minutes and adding, after cooling, suffi-
cient mercury to make a slurry, which was filtered through a pinhole in filter paper. The
half-cell was: Cd(Hg)/CdCl,(s), CdCl,—H,0(s), NaCl(s), DMF. The variation of cell
potential with water content has been examined.

D. Redox Electrodes

In a redox electrode both components of the redox system are in solution, and their
relative concentrations determine the potential of an inert electrode immersed in the
system. Such electrodes have been used as reference electrodes only in special cases,
because the potential is dependent on two concentrations, the ratio of which must be
kept constant. The primary standard reference electrode, the hydrogen electrode, has
been used as practical reference electrode in certain case, as in HF [217,218].

1. Fe™ /Fe and BCr™ /Ber

Ferrocenium ion/ferrocene (Fc'/Fc) and bis(biphenyl)chromium(I)/bis(biphenyl)chrom-
ium (O) (BCr*/BCr) have been proposed [194] as reference redox systems for nonaqueous
electrochemistry. Both materials have been found suitable for practical referencing, for
example, in THF [219], covering complementary potential ranges.

2. Poly(vinylferrocene) Electrode (PVF)

A platinum electrode coated with a film of poly(vinylferrocene), which was electrodepos-
ited in its oxidized form and later partially reduced, was found to be a stable reference
electrode in MeCN (but not in DMF) [220]. Polymer films containing other redox systems
may also be used.

A similar electrode based on Fe(CN)g'/ 4 adsorbed on a cross-linked polymer (poly-
ethyleneimine/1.4-dibromobutane) has been proposed as a reference electrode in organic
solvents [221].

3. Chloranil Electrode

The tetrachloroquinone (chloranil)/tetrachlorohydroquinone system has been used as a
reference electrode in alcohols and acetic acid [222], often in the presence of an excess
mineral acid. The half-cell consisted of a platinum electrode in a solution saturated with
respect to both chloranil and the hydroquinone. The electrode is well poised, and at
constant temperature and constant hydrogen ion activity the potential is stable.

4. Triiodide/Iodide Electrode

The triiodide/iodide electrode (Pt/I5/17) has been recommended as reference electrode in
MeCN and propylene carbonate [223]. It was found to have a higher exchange current
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than the Ag™/Ag electrode; the exchange current was highest at Pt, lower at glassy carbon,
and lowest at stainless steel. A Teflon salt bridge [197] was recommended.

Table 1 summarizes the suitability of the various reference electrodes in different
solvents. Reviews on reference electrodes have been published recently [224].

VI. SOLVENTS FOR ELECTROLYSIS
A. General Considerations

Electrolysis can occur only at the boundary between an electrode and a medium that
conducts the electric current, and the nature of the solvent is important for the course
of electrolytic reactions. Such factors as proton activity, usable potential range, dielectric
constant, ability to dissolve electrolytes and substrates, ion pair formation, accessible
temperature range, vapor pressure, viscosity, toxicity, and price must be taken into con-
sideration when the choice of solvent is made.

1. Proton Activity

The availability of protons is one of the most important properties of a medium by which
it can influence an electrolytic reaction, especially a reduction. Anodic reactions are gen-
erally less susceptible to the proton activity, but both the stability of cation radicals and
the reactivity of some nucleophiles in anodic substitution reactions depend on proton
activity.

At high proton activity a protonation of the substrate may occur prior to the charge-
transfer step. A protonated molecule is reduced at a less negative potential than an
unprotonated one. At medium proton activity the unprotonated molecule is reduced to
a radical anion; this is rapidly protonated to a radical, which generally is more easily
reduced than the unreduced substrate. In aprotic media the radical anion formed in the
charge transfer step may be so long-lived that it can be regarded as the product. The
radical anion is normally more difficult to reduce than the unreduced substrate. The
substrate itself may act as a proton donor (“‘father/son reaction’) [253,254].

A high proton activity generally makes an oxidation occur at more positive poten-
tials; it also diminishes the tendency to lose protons from cation radicals, which thus may
have reasonable stability under strongly acidic conditions.

In aqueous solution (1) a change in pH may alter the sequence of reducibility of
different “‘electrophores”; (2) the degree of reaction of an “electrophore” may be different
in acid and alkaline solutions; (3) a branching of a reaction may be influenced by the
availability of protons; and (4) the stereochemistry of the product may be pH dependent.
As examples can be given (1) the reduction of isonicotinic amide in which the carboxamide
group is reduced in acid solution whereas the pyridine ring suffers reduction at high pH
(Chapter 18); (2) the reduction of aromatic nitro compounds, which at low pH at a
suitable potential yields an amine and, in alkaline solution, a phenylhydroxylamine (and
its condensation products; Chapter 9); (3) the reduction of acrylonitrile may yield the two-
electron reduction product, propionitrile, or the one-electron reaction product, adiponi-
trile, depending on the availability of protons (Chapter 21); (4) the stereochemistry of the
product mixture of pinacols formed on electrolysis of aromatic ketones is pH dependent
(Chapters 10 and 26).

When considering an aprotic solvent, it must be recalled that it is difficult to obtain a
strictly anhydrous medium. Especially in voltammetric experiments in which the concen-
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Table 1 Reference Electrodes in Different Solvents *°

SCE

(aqueous) Hg/Hgax, Ag/AgCl Ag/Agt Li(Hg)/Li™  Na(Hg)/Na®  TI(Hg)/TL*
CH,CN +[225,226] - (—)212] +[185. 226]
DMF + (+) (H)[211] +[205] +211]
NH; - (+)i225] - -
(H,NCH,),  + (+)[246]
CsHsN + +[229,230]
((CH;):N);PO +
DMSO + - (+)[211.231] +[208] +[211.214]
CH;OH + + + +
CH;COOH +[232] +[210]
(CH;CO),0 +[234] +[235]
H,S0, +{236]
FSO;H +[239] +[237)°
PC + +[240] (H)f211]
CH;NO, +[202] +[202]
THF +[243] +[242]
HFP +[245]
CH,Cl, +
THAB +[244]
HF +[251.252]
2Symbols: +, stable reference electrode, (+), usable comparison electrode, (—), dubtous comparison electrode, —. unsuitable
electrode.

"DMF = dimethylformamide; DMSO = dimethyl sulfoxide; PC = propylene carbonate, THF = tetrahydrofuran.
HFP=1.1,1,3.3.3-hexafluoro-2-propanol; THAB = tetrahexylammonium benzoate; TBAPF, = tetrabutylammonium hexa-
fluorophosphate.

“Reference numbers.

dPoly(vinylferrocene) electrode.

cAu/Au’t

tration of the substrate is low, the residual water nearly always present in a “‘dry”” solution
may influence the results obtained. It must also be considered that the anodic limiting
reaction of some anions, such as perchlorates [255-257], results in the formation of water.
Protons may also be supplied by abstraction by an electrogenerated base from the non-
aqueous solvent or from tetraalkylammonium ions, in the latter case by a Hofmann
elimination. A convenient way to remove the major part of acidic impurities from **apro-
tic” solvents is to add active anhydrous alumina to the solution [258,259] or let the
solution pass through a column of anhydrous alumina.

Acidity and basicity scales in polar solvents have been discussed [260] and it has been
concluded that the most appropriate scales are the acceptor number AN or donor number
DN introduced by Gutmann [261-263], although it does not directly allow one to estimate
the basicity of a protic solvent.

A determination of water in a “dry’* solution is thus often of interest. A gas chro-
matographic method has been employed [264] for determination of water in certain cyclic
esters, but injection of electrolyte solutions causes accumulation of salts in the injection
chamber and sometimes erratic results due to thermal decomposition of electrolytes.
Analytical use of the 1.9-um water band in the near-infrared [265] may be practical for
certain solvents, such as propylene carbonate, but not for many of the commonly used
solvents. A method has been described [266] in which the water reacts with lead tetra-
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Electrons
Zn(Hg)/Zn**  Cd(Hg)/Cd™* Pb(Hg)/Pb"t  Cu/CuF Ho(Pt)/H*  Chloraml 1,7/ (solvated) PVF!

—[247] +[223] +[220]
+211,216] (P211] ~[220]
+[227] +[213] +[21]
+229]
—[248]
+[205]
—[249]

—[233] +[222]

+[238]

—[211] (=211] +[241]

+[250]

+[213] +[217, 218]

acetate in benzene; the lead dioxide thus formed is determined spectrophotometrically at
about 400 nm. As little as 2.5 ppm in a 2-ml sample can be measured. The method was
found to be applicable to a wide range of solvents and to certain solutions commonly
employed in electrochemistry.

The two one-electron reduction waves of 2,5-diphenyl-1,3,4-oxadiazole have been
used as a criterion for estimating the degree of drying of aprotic solvents [767] When Cy,0
<3-5x 107°M the two waves had equal height and E, ,2—1.96 and —-2.33 V (SCE),
respectively, whereas in insufficiently purified solvents, the height of the two one-electron
waves were not equal and AE,; , decreased.

The Karl Fischer method may be used in many cases. An extremely sensitive method
using tritiated water as tracer for the determination of solvent water content has been
developed [268] in which drying efficiency is determined by the addition of a specified
amount of tritium-labeled water to a rigorously dried solvent and subsequent determina-
tion of the decrease in activity of the solvent after treatment with the drying agent.

Besides the ability to donate protons, the properties of the medium (solvent, sup-
porting electrolyte) as hydrogen atom donor are of importance. Hence the strength of the
available bonds to hydrogen must be considered. The ability as a hydrogen atom donor is
H,O < NH; < MeCN ~ DMSO < DMF < THF.

2. Usable Potential Range

The useful potential range that can be obtained in a given system depends on the electrode
material, the supporting electrolyte, the temperature [269], and the solvent; only the sol-
vent is discussed here. Approximate values for the anodic and cathodic limits of some



Table 2 Diclectric Constants and Accessible Potential Range for Some Solvents"®

Dielectric = Working Reference Supporting Anodic Working Reference Supporting Cathodic

constant electrode electrode electrolyte  limit (V) electrode electrode electrolyte limit (V)
Water 80 Pt SCE HCIO, 1.5 Hg SCE TBAP -2.
Methanol 33 Hg Hg pool TEAB —2.
H,S0, (96-99%) >84 Hg Hg pool None —0.7 [236]
CH;COOH 6.2 Pt SCE NaOAc 20 [321F Hg SCE TEAP —1.7
CH;CN 37.5 Pt Ag/Ag® LiClO, 24 [362] Pt Ag/Agt LiClO, -3.5 [362
DMF 36.7 Pt Hg pool LiClO, 1.5 [371} Hg Hg pool TEAP =35 [371]
NMP 32 Pt Hg pool LiClO, 1.4 [371] Hg Hg pool TEAP -33 [371}
HMPA 30 Pt Ag/Agt LiCO, 0.8 [362] Hg Ag/Agt LiClO4 -3.6 [379]
NH; 23 Hg Pt Hg pool TBAI 2.3 [225]
(H,NCH,), 12.5 C SCE TEAP 0.1 [322] Hg SCE TEAP —2.65 [322
Pyridine 13 Graphite Ag/Ag® LiClO, 1.4 [385] Hg Hg pool LiClO, —1.7 [385]
DMSO 46.7 Pt SCE NaClO, 0.7 [383] Hg SCE TEAP —2.8 [383]
Sulfolane 44 Pt SCE NaClO, 23 [393] Pt SCE NaClO, —4 [393]
PC 69 Pt SCE TEAP 1.7 [406] Hg SCE TEAP —2.5 [406]
CH;NO, 36.7 Pt SCE LiClO, 2.7 [202] Hg SCE LiClO4 —-1.2 [202]
THF 7.4 Pt Ag/Ag® LiClO; 1.8 [245] Pt Ag/Agt LiClO,4 -3.6
HFP 16.6 Pt Ag/AgCl TBAPF, 2.1 [245] Pt Ag/AgCl TBAPF, +0.4 [245]
CH,(Cl, 8.9 Pt SCE TBAP 1.8 [289] Pt SCE TBAP —-1.7 [289]

“The limut for the accessible potential for a solvent depends on many factors, such as supporting electrolyte, electrode material, and magnitude of permissible current density,
and the numbers given are cited as illustrative values only.

°DMF = dimethylformamide; NMP = N-methylpyrrolidone; HMPA = hexamethylphosphotriamide; DMSO = dimethyl sulfoxide; sulfolane = tetramethylene sulfone;
PC = propylene carbonate; THF = tetrahydrofuran, HFP = hexafluoro-2-propanol; TBAP, TBAI = tetrabutylammonium perchlorate or iodide, respectively; TEAP,
TEAB = tetraethylammonium perchlorate or bromide, respectively; TBAPF¢ = tetrabutylammonium hexafluorophosphate.

“Reference numbers.
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commonly used solvents are given in Table 2. The numbers can be taken only as a crude
indication of the usable potential range, as the latter depends on the criteria used.

Many solvents are available that are so difficult to reduce that it is the discharge of
the supporting electrolyte that sets the cathodic limit for the potential; on the other hand,
only few polar solvents are resistant to anodic oxidation. The reason is that most polar
groups have loosely bound nonbonding electrons on oXxygen or nitrogen that are easily lost
at the anode. The solvents useful for anodic reactions at high potentials contain electron-
attracting groups, such as nitrile, carboxy, sulfone, or nitro groups. For more easily
oxidized substrates, sulfoxides or dialkylamides may be used, whereas water, alcohols,
and aliphatic amines have a very limited useful potential range for anodic reactions.

3. Dielectric Constant

The dielectric constant is of interest primarily because it influences the ohmic resistance of
the medium. Solvents with high dielectric constant are preferable because salts dissociate
better in such media. The dielectric constants for some solvents commonly used for elec-
trolysis are listed in Table 2. These solvents can be divided roughly into three main groups:
those with high dielectric constant (D > 60), those with medium dielectric constant (20 <
D < 50), and those with low dielectric constant (D < 13). In the first group are solvents
like water, formamide, N-methylamides, and propylene carbonate; the second one com-
prises compounds like acetonitrile, dimethylformamide, dimethyl sulfoxide, methanol,
nitromethane, and ammonia; whereas in the last group belong solvents like acetic acid,
ethylenediamine, methylamine, tetrahydrofuran, dioxane, and methylene chloride. The
solvents in the last group require a higher concentration of supporting electrolyte in
order to acquire a reasonable conductivity.

For acetonitrile, propylene carbonate, 4-butyrolactone, DMSO, DMF, and similar
amides, the maximum conductance for fully ionized salts occur at approximately 1 M
concentration and is about 1072 Q™! em ™!, comparable to an aqueous salt solution of 0.5—
1 M.

The rate constant for the heterogeneous electron transfer to aromatic compounds is
usually somewhat higher in MeCN than in DMF, which indicates that not only the
dielectric but also the dynamic properties of the solvents influence the rate of radical
anion formation [270].

4, Dissolving Power

The choice of solvent is often a result of a series of compromises. Very few solvents have
good dissolving power for both organic substrates and inorganic salts. The good electro-
chemical properties of water are marred by the lack of its ability to dissolve many
organic systems. This ability may be raised by using water in a mixture with an organic
solvent like ethanol, acetonitrile, dimethylformamide, or dioxane, or by using a “hydro-
tropic”” supporting electrolyte [271] like tetraalkylammonium p-toluenesulfonate.
Tetraalkylammonium salts are soluble in most polar solvents and even in less polar
liquids, such as chloroform and methylene chloride. Some polar solvents, such as
acetonitrile, DMSO, and DMF, combine good dissolving power for both organic
compounds and a variety of salts.

Besides the dissolving power of a solvent toward substrate and supporting electro-
lyte, the ability to solvate intermediate cations and anions is also important. The chemical
properties of charged species are dependent on whether there are formed tight ion pairs,
solvent-separated ion pairs, or symmetrically solvated ions. Redox potentials of ions are
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thus dependent on solvent (see, e.g.. Ref. 272). A knowledge of the donor and acceptor
values [262,263] of a solvent is thus helpful in predicting its properties as medium. Also,
the autoprotolytic constant of a solvent is of interest in this respect.

A combination of the good conductivity of water and the dissolving power of an
organic solvent may be exploited by using an emulsion [273-284]. A simple emulsion is
useful only if the substrate has a reasonable solubility in water and thus only a limited
advantage compared with a suspension of the substrate. For reactions in which the pro-
duct is much more soluble in an organic phase than the reactants, an emulsion may
continuously extract the product and protect it against further reaction. Emulsions are
made from an aqueous phase, an organic phase, and a surfactant; they may be “‘water in
oil,” **oil in water,” or a bicontinuous microemulsion. The first two types have one con-
tinuous phase. whereas the bicontinuous microemulsion has both the aqueous and the
organic phase as continuous phases: it consists of a dynamic intertwined network of the
two phases with a surfactant monolayer at the interphase [280-282]. Bicontinuous micro-
emulsions are nontoxic. have a large interfacial area facilitating an intimate mixing of
polar and nonpolar reactants, good solubilization of polar and nonpolar compounds, and
high conductivity. Bicontinuous microemulsiosn could thus be useful for electrochemical
synthesis as an alternative to the use of organic solvents [280-282].

Utilization of a mediator and a phase-transfer catalyst may enhance the reaction rate
considerably; in a bimolecular reaction the rate may be enhanced by preconcentration of a
mediator by adsorption to the electrode in a microemulsion [281,282]. When a desired
bimolecular reaction involves ions (including radical ions), the nature of the surfactant
(cationic, anionic, neutral) may play a role in the product distribution [283].

Ultrasound-assisted electrolytic reduction of emulsions of activated unsaturated
systems provides a method for hydrogenation of water-insoluble materials in an aqueous
environment [284]. The effect of ultrasound on electrochemical reactions in emulsions may
vary depending on the reaction; in some cases solubilization of an insoluble reaction
product is furthered, whereas in other cases the heterogeneous rate constant is influenced
[284].

When cells with solid polymer electrolytes (SPE) are used, no electrolytes need to be
dissolved in the medium, and solvents, which usually cannot be employed in electrolysis,
may be used [74-79].

5. Temperature Range and Other Factors

It is desirable that the solvent be a liquid in a convenient temperature interval and that the
vapor pressure be not too high at the working temperature to avoid excessive loss of
solvent. This is not an important point since the electrolysis is often carried out in a closed
system anyway. The vapor pressure may also sometimes be lowered considerably by
working with a high salt concentration. Two low a vapor pressure of the solvent is
inconvenient, as it may be difficult to remove the solvent during the workup.

The viscosity of the medium influences not only the mass transfer, but also the rate
constant of the heterogeneous electron transfer [285]. A low viscosity is preferable both
from the point of view of diffusion and from considerations of pumping in flow cells. For
some kind of electroanalytical work, however, a high viscosity is preferable. Diffusion
coefficients in some solvents useful for electrolysis have been published [286].

The toxicity and odor of the solvent warrant consideration. Proper design of the
apparatus and careful handling of the solvent make these properties less objectionable.
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The chirality of a solvent, S, S™(+)2,3-dimethoxy-1,4-bis(dimethylamino)-butane
(DDB), has been used to induce chirality in reduction products [287].

6. Purification

Few, if any, organic solvents are obtained commercially pure enough for electrochemical
work. However, when selecting a method for purification of a chosen solvent, one should
realize that it is seldom necessary to lower the concentration of all impurities. An aprotic
solvent used for a reduction should especially be purified for electrophiles, whereas nucleo-
philes (bases) should be removed from a solvent for oxidations.

Solvents obtained from different sources may have different impurities, and even in
solvents from the same source the kind and concentration of impurities may change from
batch to batch.

Water is always an impurity in an organic aprotic solvent. The influence of a given
water concentration depends on the stability of the complexes between water and the
solvent; water is, for example, less firmly bound to MeCN than to DMF or DMSO.

When one wants to remove a given impurity, there is always a danger that the
reagent or method introduces other impurities or decomposition products; some solvents,
such as DMF, decompose somewhat on distillation at ambient pressure.

The storage of a solvent is important, and ideally one should use the solvent imme-
diately after purification. Some solvents are decomposed by light, and most solvents
absorb some water if given the chance.

Methods for purification of some aprotic solvents and tests for impurity recom-
mended by IUPAC have been published [288].

B. Protic Solvents

It is practical to divide solvents into two groups, protic and aprotic solvents. Protic
solvents are those that have protons bonded to heteroatoms and include acids, neutral
solvents, and some bases. A review of solvents useful for electrochemistry has appeared
[289]. Electrochemical reactions in nonaqueous systems [290] and the chemistry of non-
aqueous solvents [291] have been treated in monographs.

1. Acid solvents

The electrochemistry of a protonated organic compound differs in many cases from that of
the neutral molecule, and the strength of the acid necessary for protonation of the sub-
strate must be considered. Sulfuric acid and acetic acid, often containing some water, have
generally been used. When high acidities are desired, fluorosulfonic acid may be used.

a. Sulfuric acid. Concentrated or slightly diluted sulfuric acid is in many respects
an excellent medium for electrolysis. It dissolves many organic compounds, and it is suf-
ficiently dissociated to make the addition of foreign electrolytes unnecessary.

Sulfuric acid can protonate even very weak bases, such as aromatic ethers or some
aromatic hydrocarbons; it may promote the formation of carbocations either by dehydra-
tion of hydroxyl compounds or by addition of a proton to a double bond. These properties
are still more strongly developed in the “‘superacids.”

Sulfuric acid has certain disadvantages: It cannot be removed by distillation during
the workup. It is, therefore, often most practical to dilute the medium with water and
extract the product. If neutralization is necessary, concentrated ammonia is preferable.
Another disadvantage is that sulfuric acid may oxidize or sulfonate the substrate.
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Most of the electrolyses in sulfuric acid have been performed without control of the
potential. In polarographic work the mercury pool has been used for anodic and cathodic
reactions: As anode. platinum or lead dioxide have been employed; as cathode, lead,
mercury, or platinum.

A 1:1 mixture of sulfuric acid and ethanol was a very popular medium for electrolytic
reductions around 1900. The mixture dissolves many organic compounds, but the leveling
effect of the alcohol lowers its protonating ability considerably.

b. Fluorosulfonic Acid. This solvent is a very strong acid and may be used when
stabilization of cationic species is required [237,292-298]. It has above all been used as
medium for the oxidation of alkanes. It is rather resistant toward anodic oxidation, the
oxidation product being peroxydisulfuryldifluoride [296].

Fluorosulfonic acid is not a conducting medium, and it is necessary to add a sup-
porting electrolyte, such as NaSO;F or KSO;F, or a ionizable organic compound, such as
acetic acid, which acts as a strong base and forms CH,CO™. Antimony pentafluoride acts
as an acid in FSO;H.

In fluorosulfonic acid containing sulfuric acid anodic dissolution of platinum is
reported to take place; in anhydrous FSO3;H an oxide layer is formed, which protects
the platinum electrode [298].

As reference electrode the hydrogen electrode [238], the Au(s)/Au™ electrode [237],
and HgSO4/Hg in HSO,F [230] have been used, but an internal reference system, such as
perylene+/perylenez+, has been recommended [268] to avoid unknown liquid junction
potentials.

Perfluorosulfonic acids may be used similarly [299]. They may be purified by dis-
tillation and treatment with H,O, [300]. Trifluoromethanesulfonic acid has been used as
solvent for CV with sodium trifluoromethanesulfonate as supporting electrolyte, glassy
carbon as indicator electrode, platinum as counterelectrode and a silver wire as pseudor-
eference electrode. At v = 100 mV s™' the accessible potential window was from +0.4 to
+3.0 V vs NHE (calibrated against Ru(bpy);™/*") [301].

¢. Hydrogen Fluoride. Hydrogen fluoride has been used for electrochemical fluor-
ination of organic compounds [302-305] and is a promising solvent for electrochemical
studies. It has a high dielectric constant (80 at 0°C), is less viscous than water, is trans-
parent for UV light to 165 nm, and is difficult to oxidize. It dissolves many metal fluor-
ides, giving highly conducting solutions; it also dissolves many organic substances. The
main disadvantages are its poisonous effect, its ability to attack glass, and its relatively
low boiling point, 19.5°C. The low boiling point gives it a tendency to form bubbles,
which must be taken into account in the construction of cells. This and other practical
problems have been discussed [306].

Hydrogen fluoride can be handled in apparatus of suitable metals (copper, nickel,
magnesium, or aluminum, which all form a protective fluoride coating, or platinum), or
plastic materials [especially polypropylene, Teflon, and polyvinylidene fluoride (Viton)];
polychlorotrifiuoroethylene (Kel-F) can be made into transparent windows. A capillary
for a dropping mercury electrode may be made from Teflon [307]. Hydrogen fluoride is
obtained commercially in steel cylinders in a purity of 99.5%. The impurities may be
removed by distillation [308] or electrolysis [309]. During the electrolytic removal of
water the explosive F,O is formed, which must be taken into consideration [3035].

The useful potential range in the cathodic direction is rather limited owing to the
evolution of hydrogen, whereas the anodic limit is about 2.6 V (SCE). Sodium or potas-
sium fluoride as supporting electrolyte may be used: the addition of these salts lowers the
protonating power of the solvent. The solubility of NaF is about 30 g NaF per 100 g HF;
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other fluorides, such as LiF, KF, CsF, NH,F, AgF, and TIF, are very soluble in liquid HF.
The acidity of HF may be enhanced by the addition of BF; or SbFs.

The addition of amines to hydrogen fluoride makes the fluoride ion a better nucleo-
phile and reduces the acidity of HF; Et;N/3HF and pyridine/HF are commercially avail-
able. ET;N/3HF may be used as such or mixed with MeCN as a medium for
electrochemical fluorination (Chapter 25) [310,311].

Several types of reference electrodes may be used. The hydrogen electrode has been
shown to behave reversibly in HF [217,218] and has been employed as reference electrode
both in electroanalytical and preparative work [218], and mercury fluoride [251,312] and
copper fluoride [213,306] have also been used as such. A comparison of these reference
electrodes pointed to the hydrogen electrode (H,/Pd) as the most convenient {313].

d. Trifluoroacetic Acid. Trifluoroacetic acid has mainly been used as a medium
for oxidations [314]. It has a dielectric constant of 8.4 [315,316] and a boiling point at
72.5°C; although it has a low conductivity, it is possible to conduct electrolysis in it
without using a supporting electrolyte [317]. Its main advantage is that many cation
radicals show considerable stability in this medium. Sometimes it is used in mixture
with its anhydride and methylene chloride [318].

e. Acetic Acid. Acetic acid is a good solvent for many organic compounds and
some inorganic salts. It has a rather low dielectric constant, which makes it necessary to
have a considerable electrolyte concentration (> 0.5 M) to obtain a reasonable conduc-
tance.

Acetic acid may be considered as solvent for acetoxylations [319-321] and for reac-
tions that require an acidic medium other than sulfuric acid. The acidity may be enhanced
by adding perchloric acid to acetic acid containing a suitable amount of acetic anhydride,
which reacts with the introduced water.

Usable supporting electrolytes include NaOAc, NH,OAc, LiCl, HCI, H,SOy,,
HCI10,4, NaClO4, BuyNCIO4, and BuyNBF,. The choice of supporting electrolyte may
influence the product distribution. Thus, anodic acetoxylation gives different results in
NaOAc/HOACc and in BuyNBF,/HOACc. Several types of reference electrodes work well in
acetic acid. The chloranil electrode [222] behaves reversibly in this medium and so does the
analog of SCE [322] [Hg/Hg,Cls(s), LiCl(s), HOAc]; the mercury pool [323] and the Ag/
AgCl electrode [210] can also be used.

The cathodic limit is about —1.7 V (SCE), and the limiting reaction is evolution of
hydrogen. The anodic range ends at about 2.0 V (SCE) when NaOAc is electrolyte [321].
The limiting reaction is probably the discharge of acetate ions.

Acetic acid may be purified by partial freezing [321] or by distilling it from CrO;
[322,323] in the presence of acetic anhydride. CrO; oxidizes impurities and acts as an acid
catalyst for the reaction between water and acetic anhydride. An excess of acetic anhydride
is necessary to force the equilibrium 2AcOH= Ac,O + H,O sufficiently to the left [324].
Modifications of the method have been described [232,323].

f. Other Acids. Methanesulfonic acid [325] and formic acid have also been used
as solvent for electrolysis; superacids offer possibilities for unusual electrode reactions.

2. Neutral Solvents

This group comprises water, mono- and polyvalent alcohols, and monoehters of polyva-
lent alcohols. Often mixtures of water and alcohols are used. Such mixed solvents retain to
some degree the favorable characteristics of water but raise its ability to dissolve organic
substrates.
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a. Water. Water is the solvent of choice for electrolysis, unless some of its prop-
erties are undesired or inadequate. An aprotic solvent is sometimes preferable to water
since a reaction mechanism of an electrode reaction in an aprotic, organic solvent is
often simpler to elucidate than in water. Adsorption phenomena are often a complicat-
ing factor in aqueous solution, but much less so in many organic solvents. The usable
potential range of water in the anodic direction is quite limited, and the most important
factor, the solubility of many organic compounds in water, is quite unsatisfactory. The
use of “hydrotropic” salts (Sec. VIL.A.) may enhance the solubility of organic com-
pounds in an aqueous medium. Another way of combining the good conductivity of
aqueous solutions with the better dissolving power for organic substrates is the use of
emulsions [273-284], preferentially with a mediator and a phase transfer reagent.

b. Methanol. The electrochemical behavior of methanol is rather similar to that
of water. Methanol is well suited for anodic reactions of the Kolbe type and for meth-
oxylations; for reductions it may be used when the solubility of the substrate in water is
too low. The dielectric constant of methanol is fairly high (¢ = 33); its liquid range
(—98 to 64° C) is convenient, and it is easy to remove during the workup.

Quite a few electrolytes are soluble in methanol, such as NH,Cl, LiCl, HCI, KOH,
KOMe, NaClO,, and tetraalkylammonium salts. For reductions a solution of HCI in
MeOH is convenient as it has a high conductance and both components are easy to get
rid of during the isolation of the product.

Reference electrodes that can be used in water work in most cases also in MeOH;
thus the Hg/Hg(I) and Ag/Ag(I) electrodes may be used. The useful potential range for
large-scale electrolysis is about the same as for water, but methanol is less satisfactory for
electroanalytical work. Methanol can in general be used as received; it can be dried by
treatment with magnesium [326].

It has been reported that methanol oxidized at the anode may diffuse to the catholyte
and react with nucleophiles or EGB [327].

c. Other Alcohols. Ethanol and the higher alcohols have lower dielectric con-
stants and poorer ability to dissolve electrolytes. They have been used mostly in mixture
with water or sulfuric acid. 2,2,2-Trifluoroethanol is more acidic than ethanol and can
be used when strong bases are undesired [328].

3. 1,1,1,3,3,3-Hexafluoropropan-2-ol

1,1,1,3.3,3-Hexafluoropropan-2-ol (HFP) is a solvent [245] with unusually low nucleophi-
licity: it has a high ionizing power, a high hydrogen bonding strength, and a low hydrogen
bonding acceptor strength, which makes it a good solvent for investigations of cation
radicals. It may be useful for electropolymerization. It dissolves many polar compounds,
but is less good in dissolving nonpolar substrates.

It has a liquid range from —5 to 58.6°, a dielectricity constant of 16.7, pK, in water
9.30, and pK, in DMSO 18.2. It is rather volatile and should be handled in a well-
ventilated hood. Tetrabutylammonium hexafluorophosphate or tetrafluoroborate has a
sufficient solubility in HFP to give a good conductivity. Aqueous Ag/AgCl or SCE has
been used in connection with a suitable low-leaking salt bridge. The reversible potential
ferrocenium/ferrocene couple in HFP was found [245] to be 0.05 V versus Ag/AgCl. to be
compared with that in CH,Cl,, 0.43 V vs Ag/AgCl. The potentials in HFP generally differ
appreciably from those in e.g., MeCN.

HFP of highest quality may be used as received; it is rather expensive as a solvent for
electrochemistry and regeneration of the solvent could be attractive, but as HF might be
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formed during regeneration, the procedure should be carefully considered. However, in
the author’s laboratory solvents from CV (HFP/TBABF,), depending on the substrates,
have been regenerated by destillation at 30°C/1/2 atm after use with a loss of 10-15 %.

4. Basic Solvents

Basic, protic solvents include ammonia and primary and secondary amines. These solvents
are primarily of interest for an organic electrochemist because of their ability to solvate
electrons, and solvated electrons have special reducing properties (Chapter 29). They also
permit reductions in a protic medium in the presence of a very strong base, the conjugate
base of the solvent.

a. Ammonia. The use of ammonia as solvent for electrochemical reactions pre-
sents some problems due to its inconvenient liquid range (—77.7 to —33.4°C); this diffi-
culty can be coped with in different ways. The electrolysis may be made in a suitable
low-temperature thermostat [329], the cell can be equipped with an efficient reflux con-
denser [330], a high-pressure apparatus can be used [331] (ammonia has even been used
in its supercritical phase as a medium for electrochemical investigations [332]), or strong
solutions (5-10 M) of various salts, such as NH4;SCN, NH,I, LiNO;, LiClO,, NaSCN,
and Nal, can be used [333] as they form a medium in which the vapor pressure of
ammonia at ambient temperature is below 1 atm. The easy purification and low price of
ammonia compared with the alternative amines favor the choice of ammonia for large-
scale preparations.

When using a divided cell, a tube must connect the anode and cathode compartments
for equilibration of the pressure.

Ammonia has a medium-high dielectric constant (23.7 at —36°C) and good dissol-
ving power toward inorganic salts, but less for nonpolar organic compounds. It can act as
both an acid and a base; the strongest possible acid in ammonia is ammonium ion and the
strongest base the amide ion. The pK values of some weak acids have been determined in
NH; at —60°C [334].

The combination of low proton availability together with the low temperature usually
employed makes ammonia a suitable medium for electrochemical investigations of strongly
basic species, such as dianions [49,335]. The low tendency to donate hydrogen atoms, due to
the strength of an N—H bond, is important for many investigations [336-338].

Besides the electrolytes mentioned earlier, such salts as NH4Cl, NH,NO;, KNO;,
and NaClO, may be used as supporting electrolyte; the tetraalkylammonium salts are
generally rather sparingly soluble in ammonia. Most electrolyses in ammonia, except in
voltammetric studies, have been performed without a reference electrode; as such, a
Zn(Hg)/ZnCl, [206] or Pb/Pb>* electrode [225,329.339] may be used. In polarography
the mercury pool electrode has been applied [225].

Ammonia has been employed mostly for cathodic reactions, but some oxidations
[330,333] have been carried out in this medium, although the potential range in the anodic
direction is quite small. The anodically limiting reaction is oxidation to nitrogen and
protons [340]; the cathodically limiting reaction is the transfer of electrons to the solvent,
which occurs at about —2.3 V (versus Hg pool electrode) in a saturated solution of TBAL
In the elecltrolytic generation of solvated electrons the potential is determined by the
surface concentration of electrons and no external reference electrode is needed.

Ammonia is purified by distilling it after treatment with sodium; the distillation from
sodium may have to be repeated.

The threshold limit value (TLV) is 25 ppm.
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b. Methvlamine. Methylamine behaves electrochemically much like ammonia but
has a somewhat more convenient liquid range (—93.45 to —6.3°C), although its odor
and low boiling point require special considerations. Its dielectric constant is rather low
(11.4 at —10°C), but sufficient conductivity for large-scale electrolysis can be obtained
using LiCl as supporting electrolyte. Like ammonia, it is both an acid and a base.

Methylamine has mainly been used in large-scale electrolysis [341,342], and no refer-
ence electrodes have been employed so far. Reference electrodes such as the Zn(Hg)/Zn2+
electrode, which work both in ammonia and ethylenediamine, would be assumed to be
applicable to methylamine solutions.

Methylamine has been employed only for reductions, especially as solvent for elec-
trolytic generation of solvated electrons. It would be of very limited use for anodic reac-
tions. It may be purified by distillation from sodium. Its TLV is 10 ppm.

Ethylenediamine. Ethylenediamine (EDA) is a primary amine with a more conve-
nient liquid range (11-117°C) than methylamine. Its dielectric constant (¢ = 12) is about
the same as that of methylamine. It dissolves many inorganic salts and is a better sol-
vent than ammonia for many organic substrates.

LiCl. NaNO;, and tetraalkylammonium salts can be used as supporting electrolytes.
For the electrolytic generation of solvated electrons mainly LiCl has been employed
[343.344]. A reversible reference electrode in EDA is the Zn(Hg)/Zn>" electrode [345],
but the Hg pool [246] or the aqueous calomel electrode, fitted with a suitable salt bridge,
is also applicable.

EDA is oxidized rather easily anodically but is resistant to reduction; the cathodic
limiting current is the discharge of cations or the donation of electrons to the solvent.
EDA may be purified by repeated refluxing and distillation from sodium [346]. It is
extremely hydroscopic. The TLV is 10 ppm.

Other primary or secondary, aliphatic or cyclic amines may be used with similar
results.

C. Aprotic Solventis

The use of aprotic solvents is of interest in many cases in which aqueous solutions lack
desired or have undesired properties. The scarcity of protons makes it generally simpler to
elucidate the mechanism of an electrode reaction for several reasons. The intermediates
(e.g.. radical anions) are more stable in the absence of protons, and the reaction scheme
becomes simpler.

The scarcity of protons in aprotic solvents also makes it possible for added reagents
(e.g.. electrophiles) to compete successfully with protons for the intermediates.

“Dry’" aprotic solvents usually contain some water, which is especially of importance
in voltammetric studies in which the concentrations of water and substrate are about
equal. The influence of a certain molar concentration of water depends on the solvent,
the supporting electrolyte, and the substrate.

In certain solvents, such as dimethylformamide and dimethyl sulfoxide, water is a
rather poor proton donor [347], and other impurities may be responsible for the proto-
nation of the basic intermediates (radical anions, anions, and dianions). During prepara-
tive experiments the impurities may be reprotonated by water or, in case
tetraalkylammonium salts (except tetramethylammonium salts) are used as supporting
electrolyte, by attack on the cations (Hofmann elimination). Treatment of the medium
with active alumina may lower the concentration of such protonating impurities [38,260].
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When choosing a drying agent one must take into account that its affinity to water is
different in vacuum and in a solvent, so the activity of a drying agent may be different in
various solvents.

When deuterium oxide is added to an aprotic solvent containing tetraalkylammo-
nium salts to promote incorporation of deuterium in the product, the base-promoted
Hofmann elimination may become a problem, as the deuterium oxide becomes diluted
with water. This can largely be avoided by running the reduction in the presence of a
suspension of dry silica, which prevents the medium from being basic enough for the
elimination to occur; the deuterium oxide adsorbed on the silica is in most cases suffi-
ciently acidic to prevent Hofmann elimination. However, when the parasitic reaction is
hydrogen abstraction from the solvent or supporting electrolyte, silica has no effect.

Controlled addition of a suitable proton donor or electrophile (reductions) or
nucleophile (oxidations) is often useful in determining a reaction mechanism. The strength
of a proton donor may vary from perchloric acid through acetic acid and a phenol to an
alcohol; C acids, such as malonic ester, or N acids, such as urea, may also be used. Used as
bases may be pyridine, carboxylate ions, alkoxides, or salts of malonic ester. Sometimes it
is of interest to determine whether it is the basic or the nucleophilic properties of the
compound that are important. The use of two bases with approximately the same pK
values but widely differing in nucleophilicity, such as pyridine and a 2,6-dialkylpyridine,
might answer the question.

In the absence of proton donors the “‘aprotic’ solvent may act as a proton donor; the
conjugate base of the solvent may act as a nucleophile toward substrate or intermediates.

Electrochemical phenomena may also be simplified in organic solvents, compared
with aqueous solutions, because of the less important role adsorption plays in organic
solvents.

1. Acetonitrile

Acetonitrile (MeCN) is one of the most used polar aprotoc solvents for both anodic and
cathodic reactions. It is an excellent solvent for many organic substrates and quite a few
organic and inorganic salts; it is miscible with water. Salt solutions show a reasonably high
conductivity due to its rather high dielectric constant (¢ = 37). MeCN is somewhat toxic,
with a recommended maximum air concentration of 20 ppm.

Besides having good electrochemical properties, acetonitrile is an unusually good
solvent for UV spectrosocpy, being transparent until about 190 nm. It is furthermore a
convenient solvent for electron spin resonance (ESR) spectroscopy. which is valuable for
the investigation of radicals produced during electrolysis. For use in preparative electro-
chemistry its liquid range (—45 to 82°C) is sufficient for most purposes and its relatively
low boiling point makes the removal of the solvent easy. On gas-liquid chromatography
(GLQ), tailing may occur, unless a suitable polar column is used.

Acetonitrile has a wide, usable potential range in both the anodic and cathodic
directions. The limit is set by the electrode reaction of the supporting electrolyte in both
directions. In the presence of sodium or lithium ions their discharge sets the limit; the
sodium subsequently reacts with acetonitrile, whereas lithium does not. Quaternary
ammonium ions are reduced with dealkylation. Perchlorate ions, a widely used supporting
electrolyte, are discharged to perchlorate radicals, which probably rapidly form oxygen
and chlorodioxide radicals [259]. Transfer of protons in acetonitrile is a rather slow
process. Its autoprotolysis constant is 33.2. In DMSO MeCN has pK, = 31.3 [348].
MeCN is less apt to donate hydrogen atoms than DMF. Anhydrous perchloric acid in
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MeCN has been prepared by oxidation of H, to H' at a platinized platinum electrode in a
solution of TBA*CIO,~ in MeCN [349].

Useful supporting electrolytes in acetonitrile are NaClO,, LiClO,, tetrabutylammo-
nium salts, as well as other tetraalkylammonium salts. AgNO; and AgClO, are very
soluble in acetonitrile; AgCl is somewhat soluble, especially in the presence of an excess
of chloride ions. It is possible to make CV in MeCN with TEACF;SO; or CF;SO;Na as
supporting electrolyte near the supercritical conditions, but the resistance is too high for
preparative reactions [350].

The Ag/Ag™ electrode [198,199], which is reversible in acetonitrile, may be used as
reference electrode. Quite often an aqueous calomel electrode with a suitable liquid junc-
tion is used [225]; a comparison of different reference electrodes has been made [226]. The
Hg/Hg(I) is not stable in acetonitrile, as Hg(I) decomposes [351]. A platinum electrode
coated with a film of poly(vinylferrocene) is a stable reference electrode in MeCN [203].

Commercial acetonitrile usually contains impurities, such as acrylonitrile, acetic
acid, aldehydes, amines, and water. Several methods of purification [352-354] have been
proposed: one is to distill it several times from P,Os followed by fractionation from
K,CO; (200]; a pure product may be obtained, but the procedure is time consuming
and wasteful due to polymerization of MeCN; polymerization may be avoided by using
B,O; instead of P,O5 [355].

CaH, treatment of MeCN has been recommended [338], but it does not remove
traces of aromatic hydrocarbons and is a surprisingly ineffective drying agent in MeCN
[355]. For removal of acrylonitrile, which boils 4°C lower than MeCN, treatment with
NaH [357] or azeotropic distillation with ethanol [358] has been recommended.

Removal of impurities by reaction in turn with benzoyl chloride and KMnOy fol-
lowed by careful distillation gives a product suitable for both electrochemical and spectro-
scopic work [359]. Alternatively, acetonitrile is treated with N,QO,, then with CaHa,,
fractionated under N, from CaH,, and the product further purified by letting it run
through a column of activated alumina [260,358,360].

Water may be removed from commercial MeCN by azeotropic distillation [361,362]
or by treatment with molecular sieves 3A: 3A is much more efficient than 4A for drying
MeCN [355]. The procedures recommended by IUPAC for purification are described in
Ref. 363.

As is the case for other relatively inert solvents, it is unlikely that an all-purpose
purification procedure can be devised that will give optimum results in all possible appli-
cations. Consequently, purification should be tailored to the intended use of the solvent.

Pure acetonitrile is not particularly hygroscopic. The product obtained by these
procedures can be stored for several months without deterioration; the water content is
approximately 1 mM. It is advisable to use the same glass apparatus repeatedly for the
purification and storing of acetonitrile.

Electrolysis in MeCN. in the absence of added proton donor may produce the anion
of MeCN (CH,CN)™, which may act as a nucleophile toward electrophilic centers [364].

At a Pt anode the solvent system MeCN/TBABF, breaks down to an adduct,
CH;CNBF;, whereas the cathodic breakdown mainly gives the anion of 3-amino crotoni-
trile; in the presence of water the anion of acetamide is also formed and the breakdown
commences at much less negative potentials [365].

Other nitriles, aliphatic and aromatic, have been investigated as solvents for electro-
lysis. Butyronitrile has been suggested as the solvent of choice for low-temperature elec-
trochemistry [86]. and propionitrile has in some cases been employed, as it is less
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hygroscopi than MeCN [366]. Benzonitrile might be considered when hydrogen atom
abstraction from the solvent is undesirable.

2. Dimethylformamide

Dimethylformamide (DMF) is a polar solvent with a dielectric constant (¢ = 37) compar-
able to that of acetonitrile. It is a good solvent for most organic compounds and also for
many organic and inorganic perchlorates and organic fluoborates. Owing to these proper-
ties, DMF has been widely used in electrochemical work. DMF is, however, susceptible to
hydrolysis, which yields the easily oxidizable dimethylamine and the reducing agent formic
acid.

DMTF has an acceptable liquid range (—61 to 153°C), although the boiling point is
near the upper limit for its convenient removal by distillation during the workup. DMF is
inferior to acetonitrile as a solvent for UV spectroscopy. Contact with the skin and vapor
concentrations over 10 ppm should be avoided.

For reductions DMF has a usable potential range comparable to that of acetonitrile,
but it is inferior for oxidations. In the presence of inorganic ions their discharge is the
cathodic limiting reaction, whereas it is more uncertain whether it is the solvent or the
cation that is reduced in solutions of tetraalkylammonium ions. The anodic limiting
reaction at a Pt electrode is an oxidation of DMF, which involves the removal of an
electron from the amide nitrogen. Its autoprotolysis constant is 29.4. DMF is a better
hydrogen atom donor than MeCN and DMSO.

As supporting electrolyte, tetraalkylammonium perchlorates or fluoroborates are
mostly used, but LiCl or NaClO, may also be employed. The reference electrode may
be a modified Ag/AgCl electrode [211,216]. a Cd(Hg)/Cd*>" electrode [211.216], Na(Hg)/
Na™ electrode [205], or silver/silver cryptate electrode [201].

For many purposes the commercial reagent-grade DMF, dried with molecular
sieves, can be used; DMF decomposes on distillation at atmospheric pressure. The most
convenient way to purify DMF is probably to let it pass through a column [358] of
alumina (e.g., ICN Alumina N-Super I). Other methods involve drying (CuSO, [367],
which also removes amines), azeotropic distillation with benzene, or percolation through
molecular sieves [368] followed by fractional distillation at reduced pressure. DMF is
difficult to obtain in an anhydrous form, but for most purposes a small water content is
not critical. An impurity of N-methylformamide may act as a proton donor or otherwise
interfere in the follow-up reactions [369]. DMF should be stored in the dark under nitro-
gen. The different purification methods have been compared and discussed [370].

3. N-Methylpyrrolidone

DMF has certain disadvantages that can be traced to its hygroscopic properties and rather
easy hydrolysis; N-methylpyrrolidone (NMP), which is an N-disubstituted amide just like
DMEF, is less apt to hydrolyze owing to its cyclic structure. Furthermore, the product of
hydrolyxis is not a reducing agent as is formic acid formed from DMF. Although only a
limited number of experiments in NMP have been done [371,372], it seems probable that
NMP will replace DMF in a number of cases because of its higher stability [373]. Vapor
concentrations over 100 ppm should be avoided.

Like DMF, NMP is of limited value for oxidations but useful for cathodic reactions.
Its dielectric constant is 32, and it is able to dissolve the same types of salts and organic
compounds as DMF. NMP has a liquid range of from —24 to 205°C; the useful potential
range is approximately the same as for DMF. Mercury in contact with its oxidation
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products has been used as reference electrode: it is more stable than the Ag/Ag™ electrode
[371.372].

Other organic amides, such as formamide, N-methylformamide, N-methylaceta-
mide, and tetramethylurea, have been investigated as solvents for electrochemical use
primarily due to their high dielectric constant; none of them, however, seem to offer
distinct advantages over DMF or NMP and in some respects they are inferior. N, N-
Dimethylacetamide may be purified by destillation in vacuum [374].

4. 3-Methyl-2-Oxazolidinone (3M20)

3M20 is a colorless, nonvolatile (kp; 87-90°C) solvent with a high dielectric constant
(77.5). It may be purified by vacuum distillation over BaO. With TBAP as electrolyte the
cathodic limit is —2.9 V (aqueous SCE); the anodic limit at a Pt anode is +1.3 V. The
suitability of 3M20 for voltammetry has been investigated [373].

5. Hexamethylphosphoramide (HMPA)

HMPA is a polar solvent that is remarkable for its ability to solvate electrons. Even in a
mixture with ethanol (67 mol% ethanol and 33 mol% HMPA), reductions via solvated
electrons may take place [373-377]. It has been suggested that HMPA is selectively
adsorbed at the electrode, thus providing a layer of low proton activity near the electrode.

The liquid range of HMPA is 7.2-235°C; its dielectric constant is 30 (20°C).
HMPA solvates cations strongly, whereas anions are less solvated. Unlike carboxamides,
such as DMF, it is not attacked by aqueous alkali at t < 80°C, and it is very resistant
toward nucleophilic attack [377] but forms peroxides under the influence of light and
oxygen {376].

HMPA is completely miscible with water; it can be extracted from water by chloro-
form, which forms a complex with HMPA [204], K(CHCl;/H,O) = 5.5 [378]: HMPA is
somewhat more basic than DMF. HMPA dissolves such salts as LiCl, LiClOy4, NaClOy,,
and RyNCIOy; the Ag/Ag" may be used as reference electrode [379)]. The solvation effect
of the cation of the supporting electrolyte in HMPA has been investigated [380]. Using
R4NCIO, the accessible potential range is from +0.14 to —3.35 V (Ag/Ag™) at a mercury
electrode [376]. HMPA can be purified by fractionation under vacuum, boiling point
88-92°C (3 mm), 68-70°C (I mm).

Reflux over BaO, followed by fractionation under vacuum, reflux over sodium, and
finally vacuum distillation has been recommended for the purification [380]. Alternatively,
fractional distillation over CaH,. followed by purification through a column of activated
alumina and standing over pyrene and sodium, produced a product that after distillation
on a vacuum line contained only a negligible amount of impurities [381)]. The purification
of HMPA has been critically discussed [382].

Just like DMF, HMPA is not suitable for anodic reactions, since the amide nitrogen
loses an electron easily. For cathodic reactions the useful potential range extends, in the
presence of LiCl, to the value at which electrons are given off to the solution. HMPA has
not been used widely in electrochemical experiments, and although its special properties
are useful in electrochemistry, it should be used only when sufficient precautions have been
taken with regard to its carcinogenic and other toxic properties [383]. Tetramethylurea
(TMU) may in some cases be used as a nontoxic replacement for HMPA [384]. TMU may
be purified by distillation from CaHs,.
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6. Pyridine

Pyridine is a reasonably strong base and a good nucleophile. Although its dielectric con-
stant is rather low (¢ = 12), many salts are soluble in pyridine and the solutions have good
conductivity. In contradistinction to most bases, pyridine, which is a w-electron-deficient
heteroaromatic compound, is rather resistant toward oxidation.

Pyridine has a liquid range from —41 to 115°C; it is miscible with water and a good
solvent for many organic compounds. Such salts as LiNO;, LiCl, LiClO,, Nal, KSCN,
and tetraalkylammonium salts are soluble in pyridine. As reference electrode the Ag/Ag™
{230] or the Hg pool electrode can be employed. Solute-solvent interactions have been
discussed [385].

The useful potential range is from about —2.3 V [230] (versus Ag/Ag™ electrode,
DME. BuyNI) to + 1.4 V versus Ag/Ag", graphite electrode/LiClO, [385]. The cathodic
limiting reaction might be the discharge of the cation, whereas an electron abstraction
from pyridine is the anodic limiting reaction, in which probably 2-pyridylpyridinium ion is
formed.

Besides being used as a solvent, pyridine has been employed as a nucleophile that is
oxidizable with difficulty [199]. Reagent pyridine is satisfactory for most purposes; it may
be dried with molecular sieves, type SA. A recommended procedure for obtaining pure
pyridine has been published [386]. The TLV is 5 ppm.

7. Dimethyl Sulfoxide (DMSO)

DMSO is an excellent solvent for many inorganic salts and organic compounds. It is
difficult to reduce and fairly resistant to electrolytic oxidation. Its dielectric constant is
high (¢ = 47). It thus has many of the qualities desirable for a solvent for electrolysis, and
it shows promise of being one of the most important electrochemical media [387]. The
liquid range is from 18 to 189°C, which makes it somewhat inconvenient to get rid of
DMSO in the workup. When used as solvent for electrolysis it must be considered that
DMSO is not always inert but has a fair reactivity in certain reactions. DMSO is unfit for
UV spectroscopy. Its autoprotolysis constant is 31.8.

DMSO has low toxicity; it is, however, transported through the skin very rapidly.
Thus, minutes after applying a drop of DMSO to the palm of the hand its sweetish taste
can be detected in the mouth. It may carry with it dissolved toxic materials that otherwise
would be unable to penetrate the skin.

Many salts are soluble in DMSO, so the choice of supporting electrolyte is less
restricted than in most other nonaqueous solvents. In general, perchlorates, even
KClOy,, nitrates, and halides, are soluble, whereas fluorides, cyanides, sulfates, and carbo-
nates are not; thus not only NaClO,, LiCl, NaNOs, and tetraalkylammonium salts can be
used but also such salts as NH,PF and NH;SCN. The ability of DMSO to solvate ions is
also of importance in the indirect electrolytic hydrodimerization of, for example, acrylo-
nitrile using Na(Hg) [388].

The equililibrium constant of the self-ionization of DMSO is 5 x 1078 (25°C); the
conjugate base (CH;SOCH,)~, which is formed when DMSO acts as a proton donor
during a reduction, is a rather strong base and a fairly good nucleophile, which may attack
electrophilic centers or radicals [389].

The potential range of DMSO in the cathodic direction is at a Hg electrode limited
by the discharge of the cation. Potassium and sodium react with DMSO, whereas lithium
does not; tetraalkylammonium ions are reduced about —2.8 V (SCE) {390]. The anodic
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limiting reaction at a Pt electrode is the oxidation of DMSO: probably one of the non-
bonding electrons is lost, but the limiting reaction has not been investigated yet.

As reference electrode [211] for polarographic work, an aqueous or methanolic
calomel electrode, connected to the DMSO solution with a suitable salt bridge to avoid
contamination, has been used. The most stable reference electrodes in DMSO seem to be
the amalgam electrodes, such as TI(Hg)/T1C1 [214] or Li(Hg)/LiCl [207].

DMSO is somewhat hygroscopic, and the main impurity in a good commercial grade
of DMSO is water; the odor is due to dimethyl sulfide. For many purposes DMSO can be
used as received or after drying either by shaking with CaO-MgO or passing through a
column of molecular sieves. For further purification, fractional distillation or crystalliza-
tion may be used. It has been recommended {391] that a fractional crystallization be done
followed by two fractional distillations in vacuo, one through a column packed with
activated carbon and one through a spinning band column. The pure DMSO must be
handled without contact with humidity.

The different purification procedures have been discussed [392].

8. Sulfolane

Among sulfones, sulfolane (tetrahydrothiophen-1,1-dioxide, tetramethylene sulfone)
shows promise for electrochemical use. It has a wide liquid range (28.6-285°C); on dis-
solving 0.1 M salts in sulfolane, its melting point is depressed below 25°C. Sulfolane has a
relatively high dielectric constant (43 at 20°C), it is chemically stable toward both reducing
and oxidizing agents, and it has a fair dissolving power for inorganic salts. One of its
drawbacks is that it is rather hygroscopic.

The accessible potential range is large in both the anodic and cathodic directions.
The limiting cathodic reaction seems to be the discharge of the supporting electrolyte,
whereas the limiting anodic reaction probably is the oxidation of the solvent. With
NaClOy, as supporting electrolyte the anodic limit at a Pt electrode is about 2.3 V and
the cathodic limit about —4 (versus Ag/Ag* electrode) [393].

As supporting electrolyte, NaClO,4, LiClO4, NH,4PF¢, and quaternary ammonium
compounds can be used. The Ag/Ag™ [393,394] or Ag/AgCl [395] electrode or an aqueous
SCE [396] with a suitable salt bridge can be used as reference electrode.

Sulfolane may be purified by fractional crystallization followed by fractional distilla-
tions at reduced pressure {396]; alternatively, treatment with aqueous hydrogen peroxide,
followed by extraction with CH,Cl, and fractional distillation, may be employed [393].
The purification procedures have been discussed [397].

Sulfolane is an alternative to acetonitrile or nitromethane as a solvent for anodic
reactions; in reductions it generally offers no advantages over such solvents as MeCN,
DMF, or DMSO, but for anodic fluorination sulfolane might be better than MeCN, as a
competing acetamidation is avoided (Chapter 25).

Among other sulfones, dimethyl sulfone has been used as electrochemical medium
[398.399]; its high melting point, 109°C, makes it less suitable for organic compounds.

9. Propylene Glycol Sulfite

A series of other sulfur-containing solvents has been investigated for electrolytic use. Of
these, propylene glycol sulfite [400], a derivative of 1,3,2-dioxthiol, was found most
suitable. It has a dielectric constant of 33, forms solutions with good conductivity with
such salts as LiClOy4, and does not react with lithium. It has not yet been used for organic
electrolysis.




Practical Problems in Electrolysis 269

10. Nitromethane

Nitromethane is one of the few solvents useful for anodic reactions, among them anodic
coupling of aromatic hydrocarbons. Its application for cathodic reactions is limited, but in
some cases in which its unreactivity toward certain active halogen compounds is valuable
it may be used. The liquid range of nitromethane is —29 to 101°C; its dielectric constant is
37, but the dissociation of salts is not as high as could be expected.

Nitromethane dissolves rather few inorganic salts; LiCIO, [403], Mg(ClQy),. and
tetrabutylammonium salts can be used as supporting electrolyte. The Ag/Ag" or Ag/
AgCl electrode can be employed as reference electrode [202].

At a platinum electrode, potentials of about 3 V (versus Ag/AgCl) can be reached,
and the limiting reaction is the discharge of the supporting electrolyte. The useful range in
cathodic direction is very dependent on the water content.

Nitromethane has been purified by repeated washings with bicarbonate, sulfuric
acid, and water, followed by drying and fractional distillation; the water content of the
product is 5-8 mM. Alternatively, fractional distillation at reduced pressure followed by
repeated fractional freezing may be employed [401]. The TLV is 100 ppm.

11. Nitrobenzene

Nitrobenzene has been used for electrolysis [402]; it was found that certain radicals were
rather stable in this solvent. Nitrobenzene has a liquid range from 5.7 to 210.9°C;
BuyNCIO, may be used as supporting electrolyte. An aqueous SCE separated from the
solution by a suitable bridge with porous glass has been used as reference electrode.
Nitrobenzene may be purified by passing it through a column of alumina followed by a
distillation in vacuo.

12. Propylene Carbonate (PC)

PC is of potential use in organic electrochemistry [404-406]. It has a high dielectric
constant (¢ = 69) and a wide liquid range (—49 to 242°C), but it is more reactive
than acetonitrile, and the potential limit for anodic reactions is lower than for acetoni-
trile. It has so far been used mostly for electrochemical generation of cation radicals
[406].

The cathodic limiting reaction of propylene carbonate containing LiCIO4 has been
shown [407-410] to be a reduction to propene and carbonate. This reductive elimination is
analogous to the reduction of vicinal halogen compounds to alkenes. The anodic reaction
is an oxidation to CO, [409,410].

Propylene carbonate decomposes slowly on standing to allyl alcohol and CO,: after
standing for a year, small amounts of allyl alcohol could be detected. Protons increase the
rate of decomposition [411].

With LiAsFg the oxidation limit of propylene carbonate is 4.0 V versus Li*/Li [412].

As reference electrode, an Li/LiCl electrode, which in the presence of excess tetra-
butylammonium chloride is an electrode of the second kind, may be used [413]. An Ag/
AgClOy reference electrode with an NaClOy salt bridge has been used [414]; AgCl/Ag [415]
and T1X/T1 [416] reference electrodes have also been employed. The purification of PC
has been discussed [417].
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13. Benzene and Chlorobenzene

It has been possible to use these nonpolar solvents for electroanalytical measurements by
employing a minute working electrode [418], an ultramicroelectrode. or using a benzene
solution containing a crown either (15-crown-5) and sodium tetraphenylborate [419].

Tetrahexylammonium perchlorate and tetrabutylammonium tetrafluoroborate have
been used as supporting electrolyte in benzene and chlorobenzene, respectively. The latter
was suggested [418] to be an excellent solvent for the study of reversible oxidations and
reductions of aromatic compounds. The TLV for chlorobenzene is 75 ppm.

Benzene and even aliphatic hydrocarbons [74] have been used as solvents in SPE
cells.

14. Ethers

Ethers, such as tetrahydrofuran and 1,2-dimethoxyethane, have low dielectric constants
(7.4 and 7.2, respectively), and the choice of supporting electrolyte is very limited. The
ethers are difficult to reduce and are inert toward many metalorganic reagents [243] that
are soluble in the ethers. Ethers are thus suitable as medium for the anodic addition of
Grignard reagents to olefins [420]. Dimethoxyethane and polyethylene glycol dimethyl
ethers have the ability to solvate electrons [421]. Dissociation constants for some acids
and the relative strength of some bases in THF has been determined [422].

As supporting electrolyte, NaClO, or LiClO4 may be used in both solvents; TBAI in
tetrahydrofuran and TBAP in dimethoxyethane have also been employed. As reference
electrode the Ag/Ag* electrode functions satisfactorily [243]. Ferrocence and bis(biphe-
nyl)chromium have also been used as reference electrodes in THF [423].

The ethers form peroxides. These can be removed by distillation from LiAlH,4. They
must be stored under nitrogen or distilled from LiAlH,4 or Na directly into the electrolytic
cell. If the water content of DME or THF is not neglible, the cathode may be passivated
by a layer of a hydroxide formed during electrolysis, when an alkali metal salt is used as
supporting electrolyte [424]. Purification of THF using sodium dianions of benzophenone
and anthracene has been described [424a]. Protons and Lewis acids (EGA) can induce
polymerization of THF; this may cause problems at the anode. The TLV for THF is 200

ppm.

15. Methylene Chloride and 1,1,2,2-Tetrachloroethane

Electrolysis may be carried out in methylene chloride. It dielectric constant is low (¢ = 9),
and only the larger tetraalkylammonium salts are soluble in methylene chloride.

Methylene chloride has been used for both anodic and cathodic reactions. The major
advantages of using methylene chloride seem to be that certain cation radicals are more
stable in methylene chloride than in the solvents usually employed in electrochemistry
[425.426]. A disadvantage is that chloride ions produced at the cathode may diffuse to
the anode compartment and interfere with the anodic reactions. This can partially be
avoided by the addition of small amounts of acetic acid to the catholyte whereby the
cathodic reaction becomes an evolution of hydrogen rather than formation of chloride ions.

In electrosynthesis in systems of two immicible liquids and a phase transfer catalyst,
methylene chloride is in many cases preferred as the organic solvent.

The addition of trifluoroacetic acid (TFA) and its anhydride (TFAn) to CH,CL,
enhances the stability of cation radicals in the solution. A mixture of CH,Cl,~TFA-TFAn
of 45:1:5 has been recommended [318]. TLV is 100 ppm.
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1,1,2,2-Tetrachloroethane has been found to be a good solvent for anodic investiga-
tions of fullerenes (Chapter 7). It may be purified by refluxing over CaH, and dried over
P,Os under high vacuum [427].

16. Sulfur Dioxide

Sulfur dioxide is a solvent of low nucleophilicity and may be used when nucleophilic
trapping by solvent is to be avoided. Its liquid range is somewhat inconvenient (—75 to
—10°C), but its dielectric constant is reasonably high (17.6 at —20°C).

The SO, may be purified by washing with concentrated sulfuric acid, perculated
through P,Os and finally treated through a column of basic alumina [428.429].

As supporting electrolyte, BuyNCIO, or Pry,NPF,; may be used [430-432]; at 0.2 M
solution of these salts has a conductivity of about 9 x 107> Q™' ecm™' at —22° C. CsAsFg
gives a potential window to about 5 V versus SCE, enough to oxidize methane; however.
the solubility (and thus conductivity) of CsAsFg in SO, is too low to allow a preparative
oxidation [428]; however, BuyNBF, has been used for preparative methylthiation [433].

As reference electrode, Ag/0.1 M AgNO; in acetonitrile has been used. The anodic
range of perchlorates or hexafluorophosphates in sulfur dioxide is large. AICl; may also be
used as supporting electrolyte [434]; cation radicals are considerably stabilized in this
medium.

D. Salts

In certain electrolytic media the concentration of salts is so high that the medium could be
regarded as consisting of a solvated salt. This is thus the case in the strong solutions (10 M)
of many salts in ammonia in which the vapor pressure of ammonia at ambient temperature
is less than | atm. It also applies to the strong solutions of tetraalkylammonium p-tolue-
nesulfonates in water, used sometimes in organic electrochemistry.

A genuine liquid salt is fetrahexylammonium benzoate (THAB) [244], which is a
viscous liquid capable of acting as both solvent and supporting electrolyte; it has, however,
a rather high resistance. Although it is a fairly polar solvent, THAB is miscible with
benzene, toluene, and carbon tetrachloride; a mixture of THAB-toluene (75:25) has a
rather low specific resistance of 3.8 k2 and a much lower viscosity than pure THAB,
which is about as viscous as glycerol. Relatively little water is miscible with THAB:
addition of 1% by volume of water to tetrahexylammonium benzoate results in a two-
phase system. THAB is soluble in acetone.

THAB is useful for reductions; the cathodic limit at a Hg electrode is about —2.6 V
versus Ag/AgCl; at a platinum electrode the anodic limit is at about 0.3 V.

THAB has been prepared by neutralizing tetrahexylammonium hydroxide, obtained
from the iodide by treatment with Ag,Q, with benzoic acid and evaporation of the water.
The analysis of the dried product corresponds to a hemihydrate. The material is somewhat
hygroscopic but can be dried by brief heating to 90°C.

Voltammetry has also been made in (toluene)stetrabutylammonium tetrafluorobo-
rate; the resistance of the solution is between that of DMF and THF [435] but closer to
that of DMF. On addition of proton donors, a low “buffer capacity” of the solvent is
observed.

Aluminum chloride in mixture with an alkylpyridinium chloride, preferentially
butylpyridinium chloride, has certain possibilities as a medium for studying electrochemi-
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cally generated cation radicals. The 0.8:1 AICl;-BuPy*Cl™ mixture is molten at room
temperature but has generally been used at 40°C [436].

A mixture of 1-methyl-3-ethylimidazolium chloride with aluminum chloride also
gives an ionic liquid that may be used as electrolytic medium [437]. The medium is not
quite inert; for example, quinone reacts with an excess of chloride to 2-chlorohydroqui-
none in an acid-catalyzed Michael addition [438]. As reference electrode an aluminum wire
was used. 1-Methyl-3-ethylimidazolium chloride is in MeCN reduced at —2.35 versus Ag
in 0.1 M TBAP [439].

At higher temperature certain quaternary ammonium salts (40—150°C) [440] may be
used as media for electrolysis.

E. Supercritical Fluids

Supercritical fluids (SCF) have been used mainly for selective extraction of compounds;
the solubility of a compound in a given solvent is in many cases vastly different under
ambient and supercritical conditions. Thus supercritical water dissolves both polar and
nonpolar compounds, which may be explored in electrochemistry. When temperature and
pressure approach the critical values, the internal structure of the solvent is loosened and
the viscosity, the dielectric constant, and the density diminish; the dielectricity constant ¢
of water thus diminishes from 80 at 25°C to 5.2 at 647°C at 221 bar [441].

Cyclic voltammetry in supercritical water—0.2 M NaHSO, [88] and ammonia—0.14 M
CF;S03K [88,332] of some organic compounds shows that this electroanalytical technique
was applicable under these conditions. The behavior of phenazine in NH; at —40°C and
under supercritical conditions, for example, was analogous; two reversible reductions were
found in both cases [88]. Dimethyl carbonate has been prepared from CO and MeOH on
anodic oxidation in a supercritical mixture of CO, and MeOH [89].

Supercritical carbon dioxide (scCO,) has a dielectric constant ¢ = 1.6 (cyclohexane
¢ = 2.0), and even though tetrakis(decyl)ammonium tetraphenylborate has some solubility
in scCO,, the conductivity is too low for practical electrochemistry [442]. 1.1.1,2-
Tetrafluoroethane (HFC 134a) has a higher polarity in the supercritically state, and
well-behaved CV may be obtained; with TBACIO, a potential “window” of about 9 V
has been obtained [443].

VIl. ELECTROLYTES

The passage of electric current through a nonmetallic liquid is dependent on ions. The
choice of electrolyte depends on such properties as its solubility, dissociation constant,
mobility, discharge potential, and protic activity. It is desirable to employ a salt with high
solubility, complete dissociation, high mobility of the ions, and a numerically high dis-
charge potential. The role of adsorption of ions at the electrode is discussed elsewhere. The
electrolyte may influence the rate constant for electron transfer from an electrode to a
substrate.

A. Anions

The choice of anion is of most importance in anodic reactions in which the choice may
influence the product distribution. Unless the oxidized anion is desired in an indirect
electrolytic oxidation (Chapter 29), an anion that is oxidizable with difficulty, such as
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perchlorate, tetrafluoborate, hexafluorophosphate, or nitrate, is chosen. In aqueous solu-
tion the choice of anion is less critical than in nonaqueous solvents. In cathodic reactions
the choice of cation has highest priority, and the anion is generally selected on the basis of
solubility of the salt or the ability of the anion to assist in dissolving the substrate.

1. Perchlorate

The perchlorate ion has a high anodic discharge potential, and only in a few solvents, such
as acetonitrile or nitromethane, is the perchlorate ion oxidized in preference to the solvent.
When oxidized, the primarily formed perchlorate radical decomposes into oxygen and
chlorodioxide radical [259].

Caution must be exercised when handling perchlorates. Silver perchlorate is explo-
sive; grinding it in a mortar should be avoided. For use in reference electrodes, it may be
prepared by anodic dissolution of silver in a perchlorate medium [202]. Evaporation of
solutions of organic perchlorates is discouraged but, if necessary, must occur in vacuo and
at moderate temperatures. Even sodium perchlorate, which can be dried at 100°C without
undue risk, may cause explosions when heated with an organic solvent.

Sodium perchlorate is soluble in many organic solvents. It is hygroscopic but can
be dried at 110°C. Drying NaClO4,H,O often results in a sintered mass that must be
broken and dried. By recrystallization of NaClO, at temperatures about 80°C the anhy-
drous salt can be obtained, which can be dried without difficulty. Lithium perchlorate is
very hygroscopic. Tetraalkylammonium perchlorates are less hygroscopic, and some of
them may be recrystallized from water; they are useful for voltammetric studies in
organic solvents.

2. Tetrafluoroborate

The discharge potential of the tetrafluoroborate ion is slightly more positive [444] than
that of the perchlorate ion. Tetrafluoroborates do not have a tendency to explode, and
they are recommended instead of perchlorates for use in preparative work when the
solvent must be removed during the workup.

It has been reported that BF,~ as anion in a supporting electrolyte in DMF gives in
CV an anodic peak around 0.8 V versus SCE at a glassy carbon electrode [445].

Tetrabutylammonium tetrafluoroborate is only slightly soluble in water but is solu-
ble in organic solvents. It is prepared by mixing solutions of NaBF, with a soluble tetra-
butylammonium salt. Its solubility properties are convenient for its use in preparative
electrolysis. During the workup the organic solvent may be diluted with water, whereby
the salt precipitates and is recovered for future use. It may be recrystallized from toluene;
the solution is dried by azeotropic distillation (or by molecular sieves A4); the compound
crstallizes slowly on cooling [446].

3. Hexafluorophosphate, Hexafluoroarsenate

Hexafluorophosphates are slightly more resistant toward anodic oxidation than tetrafluor-
oborates and perchlorates [444]: in a 0.1 M solution of these salts in acetonitrile the
potentials (versus Ag/0.1 M Ag" electrode) at a platinum disk electrode (0.12 cm,) at 1
mA were for perchlorate, 2.48 V. for tetrafluoroborate, 2.91 V; and for hexafluoropho-
sphate, 3.02 V [444]. Hexafluoroarsenates have been used in liquid SO, [432,433].
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4. Trifluoromethanesulfonate

The trifluoromethanesulfonates have certain advantages over perchlorates (nonexplosive)
and tetrafluoroborates (even less reactive toward oxidizing agents) [447]. The tetraalky-
lammonium trifluoromethanesulfonates are just as soluble or more soluble in the com-
monly used organic solvents than the corresponding perchlorates or fluoroborates. They
can be prepared either by metathesis or by alkylation of a tertiary amine by an ester of
trifluoromethanesulfonic acid.

5. Nitrate

Nitrate ion is not as resistant to oxidation as perchlorate or tetrafluoroborate; in nitro-
methane [448] solution it is oxidized anodically to NOJ and oxygen, and the NOJ reacts
either with the water always present in “dry” organic solvents to form nitric acid or with
nitrate ion to form N,Os. Nitrates, to a higher degree than perchlorates [449], form ion
pairs in some solvents. Tetrabutylammonium nitrate can be prepared conveniently by
mixing an aqueous solution of NaNO; with the commercially available tetrabutylammo-
nium hydrogen sulfate. The salt is then extracted into methylene chloride, giving an almost
quantitative yield of BuyNNO;.

6. Aromatic Sulfonates

The use of aromatic sulfonates stems from their ability to assist the solution of organic
substrates in an aqueous medium. This “hydrotropic™ effect [270,450,451] is accentuated if
a quarternary ammonium sulfonate, rather than an alkali metal sulfonate, is used.

The aromatic sulfonates have been employed mostly for reductions, but they would
be expected to be reasonably stable toward oxidation. To obtain a reasonable hydrotropic
effect, rather high concentrations are used; in the original hydrodimerization reaction of
acrylonitrile, the medium may be regarded as either a solution of tetraalkylammonium p-
toluenesulfonate in water or the salt containing some water.

7. Carboxylate Ion

In the Kolbe reaction and in anodic carboxylation reactions, salts of carboxylic acids
function as both substrate and electrolyte. Usually the presence of other anions diminishes
the yield of the Kolbe reaction, whereas the presence of anions that are oxidizable with
difficulty, like bicarbonate or perchlorate ions, favors the related Hofer—Moest reaction.

For reductions in aprotic media, tetraalkylammonium salts of derivatives of oxalic
and formic acid may be employed; in many cases the reaction may then be performed in an
undivided cell, as the reaction at the counterelectrode (oxidation of the anion to carbon
dioxide) generally does not interfere with the cathodic reaction [452].

8. Tetramethylaluminate and Tetraphenylborate

The sodium salts of these anions are soluble in tetrahydrofuran and have been found
suitable as supporting electrolyte in this solvent [453,454].

B. Cations

The discharge potential of a cation determines whether it is useful, so in practice only
alkali and alkali earth metal ions together with ammonium and tetraalkylammonium ions
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are used. The nondischarge of a cation is a sine qua non, but in addition a choice of cation
must take into consideration ion pair formation, solvation, and adsorption of particular
species (e.g., see Refs. 455-457).

1. Lithium Ions

Many lithium salts, such as lithium perchlorate and the halides, are soluble in nonaqueous
solvents. The reduction potential of Li* depends on the electrode and the solvent. At a
mercury cathode amalgam formation takes place, whereas formation of lithium metal
occurs at platinum in aprotic media. Lithium metal is less reactive than sodium, and in
some solvents sodium attacks the solvent whereas lithium is unreactive. A small water
content in an aprotic solvent may react with lithium (or Li* may react with hydroxyl ions
formed at the cathode) to form lithium hydroxide, which may cover the electrode with an
insoluble, insulating layer.

2. Sodium Ions

In aqueous buffers sodium ion is a common cation, but in nonaqueous solvents practically
only NaClQy is useful. Even NaBF, is not suitable in most aprotic solvents.

3. Magnesium ions

Magnesium ions interact with radical ions in aprotic media, which may influence the
course of the reaction; in some cases Mg* also stabilizes the product and thereby helps
avoiding unwanted further reactions [458.459].

4, Tetraalkylammonium Ions

The most commonly used quaternary ammonium salts are tetrabutylammonium perchlo-
rate (TBAP), tetrafluoroborate (TBAT), the halides (TBACI, TBAB, and TBAI), and the
corresponding tetraethylammonium salts, such as the perchlorate (TEAP). but also the
tetramethyl- or tetrapropylammonium salts have been employed; the former cannot
undergo a base-promoted Hofmann elimination. However, evidence has been found for
the formation of trimethylammonium methylide [460]. In nonpolar solvents it may be
necessary to employ tetrahexyl- or tetraoctylammonium salts. The tetraalkylammonium
ions are soluble in many nonaqueous media, and they may be extracted from an aqueous
solution by means of chloroform or methylene chloride [461,462], and tetraalkylammo-
nium salts may thus be prepared by ion extraction [462]. Tetrakis(decyl)ammonium tetra-
phenylborate is soluble even in hexane [442,443].

Reduction of R4N™ at a glassy carbon electrode in DMF yields an alkyl carbanion,
which deprotonates residual water or R;N* in a Hofmann elimination with formation of
an alkene and a trialkylamine. Tetraethylammonium is attacked more easily than tetra-
butylammonium [463].

The discharge potential becomes slightly more negative with increasing size of the
ion, but in practice there is not much gained by going beyond tetrabutylammonium ions
[464]. The reduction route of these ions is discussed elsewhere (Chapter 23).

In aqueous solution the tetraalkylammonium ions are adsorbed at the electrode,
where they form a layer with a low proton activity. This property is used in the commercial
production of adiponitrile from acrylonitrile (Chapter 31). The adsorption of the ions
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depends on the potential of the electrode, the electrode material, the composition of the
medium, and the size of the cation.

The rate constant for electron transfer from an electrode to a substrate decreases
with the size of the cation; for instance, the rate constants for electron transfer at a
mercury electrode in MeCN to a substrate were always smaller when tetra-n-heptylam-
monium perchlorate was the electrolyte than when tetraethylammonium perchlorate was
it [465].

Quaternary ammonium salts are readily accessible; some are commercially available,
and their preparation presents no problems [461,462]. Reducible impurities may be
removed by electrolysis at a sufficiently negative potential. The production of tetraalk-
ylammonium hydroxide using an anion [466] or cation [467] exchange membrane has been
reported.

5. Sulfonium Salts

Tris(dimethylamino)sulfonium tetrafluoroborate (TASBF,) has been investigated as a
supporting electrolyte in MeCN and CH,Cl,. Compared with TBABF, the conductance
of TASBF, in CH,Cl, is slightly higher, suggesting a higher degree of dissociation of the
latter [468].

6. Cryptates

Crown ethers and other cryptates form with several metal cations stable complexes,
which generally are soluble in nonaqueous media, even in rather nonpolar solvents
[394]. In some cases such complexes may be considered supporting electrolytes, espe-
cially when some of the special properties of a given cryptate are desirable also in other
contexts. By complexing Ag" with a cryptate, the Ag/AgCryp™ electrode becomes stable
in DMF [201].

7. Polyelectrolytes

Polyelectrolytes having ion-exchange properties may be coated on one or both electrodes
[9.74-78], which makes it possible to use virtually nonconducting liquids. This was dis-
cussed in Sec. I1.B.

A copolymer of 4-vinylpyridine or styrene with a diaryl-4-(1-trifluoromethylvinyl)-
aryl amine has sufficiently solubility and conductivity to serve as both supporting electro-
lyte and redox mediator; after use it can be recovered by ultrafiltration [469].

C. Buffers

Control of an electrolytic reaction often requires that the proton activity remains within
acceptable limits during the electrolysis. For small-scale electrolytic preparations (less than
about 10 g/liter of substrate), a sufficiently high initial concentration of buffer, acid, or base
is adequate in aqueous solution; for large-scale electrolysis a controlled addition of protons
during a reduction must be provided. This addition may be controlled by a pH-stat or
coupled to the current integrator. In aprotic media a proton donor, electrophile, or nucleo-
phile may play a similar role as buffers in aqueous media.
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1. Acids

Hydrochloric acid is a convenient acid for laboratory-scale electrolysis; it is easy to remove
during the workup by evaporation. The oxygen-containing acids, such as sulfuric or
perchloric acid, must be neutralized before basic products can be extracted. Sulfuric
acid is most conveniently neutralized by concentrated ammonia rather than by sodium
hydroxide, whereby the precipitation of sodium sulfate is avoided.

Even in acetic acid perchloric acid is a strong acid. Anhydrous solutions are made
by adding acetic anhydride equivalent to the water present in the acetic acid and intro-
duced together with the perchloric acid. An excess of acetic anhydride should be avoided
as this solution is a very strong acylating agent and it forms yellow condensation
products on standing. Anhydrous perchloric acid in MeCN has been prepared by oxida-
tion of H, to H' at a platinized platinum electrode in a solution of TBATCIO,™ in
MeCN [349].

In aprotic media the addition of proton donors may be important. If the proton
donor is too strong, protons may be reduced in preference to the substrate and a two weak
proton donor may not furnish sufficient protons. Often a phenol is an acceptable com-
promise.

Extreme acidic conditions may be obtained in superacids, such as SbF5 or BF; in HF
or SbFs in FSO;H.

2. Bases

Reductions in aqueous alkaline solution do not present many problems; the choice of
cation was discussed earlier. In nonaqueous solvents bases may be generated electrolyti-
cally (Chapter 29) [490,491] or formed by reaction of the solvent with an alkali metal. The
conjugate base of the solvent is the strongest base obtainable in any medium.

During oxidation in a nonaqueous solvent, the removal of a proton or an attack of a
nucleophile on the oxidized substrate may be a chemical step in an ECE reaction. To
explore which reaction is operating one can, in parallel voltammetric experiments, use two
compounds that are equal in base strength but differ widely in nucleophilicity; such a pair
is pyridine and 2,6-dimethylpyridine.

3. Buffer Systems

The use of buffers in electrolysis to maintain a desired pH warrants some consideration.
During a reduction protons are consumed at the cathode surface, and unless they are
replenished rapidly, the pH in the reaction layer is considerably higher than in the bulk of
the solution. A high concentration of a buffer system. which exchanges protons rapidly, is
required to maintain a desired pH.

In aqueous solution, phosphate, borate, and carboxylate buffers are applicable, but
in mixed solvents the solubility of phosphate and borate buffers is low; in such mixtures,
carboxylate buffers may be used in slightly acid, and amine buffers in slightly alkaline
medium. To avoid excessive buffer concentrations it is advisable to maintain pH in the
bulk of the solution constant by means of a pH-stat.

Buffering in an aprotic medium is sometimes a problem. Proton donors, such as a
suitable phenol, malonic ester, or amine salt, together with the corresponding base, may be
an acceptable solution. Guanidine perchlorate [472] has been proposed as an efficient
proton donor (and supporting electrolyte) in aprotic solvents, as it brings the protons
into the Helmholtz double layer.
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Vill. VOLTAGE SOURCES AND COULOMETERS
A. Voltage Sources

To perform a simple electrolysis under constant conditions only a dc source, which may be
a battery or a rectifier, is needed. Small ripples on the voltage usually do not harm in
preparative work.

For experiments under controlled potential conditions the electrode voltage may be
controlled manually following the reading of a dc voltmeter with high-input resistance or
automatically by a potentiostat. This is a device that is able to keep the potential of the
working electrode within a small range around a fixed value (versus the reference elec-
trode), independent of the cell current. The apparatus thus reduces the cell current as the
electroactive substance is consumed and also follows possible changes of the cell resis-
tance.

B. Coulometers

Very often it is of great interest to determine the n value of an electrode reaction or the
current efficiency of an electrosynthesis. Both involve a measurement of the electricity
consumption, that is, an integration of the electric current over the time of electrolysis. In
constant-current experiments this is, of course, an easy task. For controlled potential
electrolysis, an integrating device is included in the circuit. Electronic integrators can
usually be obtained from the companies that supply potentiostats.

IX. PRACTICAL HINTS

Besides the major features in electrolysis discussed here, there are smaller problems to be
solved. It is, of course, easiest to consult an experienced electrochemist on such matters,
but such a person may not always turn up when wanted, so the following items are briefly
mentioned: circuit, counterelectrode reaction, removal of oxygen before electrolysis,
removal of impurities, detection of intermediates, integration of current, and workup.

A. Circuit

For exploratory work, a cheap, manually controlled circuit, as shown in Fig. 9, may be
assembled from components available in every organic laboratory. Although in some cases
good results may be obtained by using a beaker and a circuit with just two electrodes and a
6 V battery as power supply [473], it is advisable in research work always to include a
potential-measuring device. A potentiostat considerably facilitates the control of the elec-
trolysis. Many different potentiostats are now commercially available. When choosing a
potentiostat, such properties as output voltage, power, response time, and input resistance
in the reference circuit must be considered. Electrolysis in nonaqueous solvents generally
requires a higher voltage across the cell than electrolysis in water. Potentiostats for ordin-
ary preparative electrolysis do not need as fast a response as those intended for pulse
electrolysis. The input resistance of the reference circuit must be high compared with that
of the reference electrode. The circuit should also include a coulometer and an ammeter.

When up-scaling a reaction the use of statistically designed experiments may facil-
itate the optimization of the reaction [474]; when the different parameters of the reaction
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Figure 9. Circuit for constant potential reduction: K, cathode; A, Anode; R, reference electrode;
V. potentiometer or pH meter; C, coulometer, Am, ammeter; S, voltage adjuster. (From Ref. 43.)

are known, the reaction can be performed without a reference electrode by a current-time
program.

B. Counterlectrode Reactions

In divided cells the reaction at the counterelectrode is seldom a problem; in aqueous
solvents, oxygen evolution at the anode is convenient; if chloride is desired as the
anion, it is advisable to add ethanol to the anodic compartment as it reacts with the
evolved chlorine. In oxidations, hydrogen evolution is a convenient counterelectrode reac-
tion; it may also be used in nonaqueous solvents [68—73]. In methylene chloride it has been
noted that chloride ion formed by reduction of methylene chloride at the counterelectrode
could diffuse to the anode compartment and participate in the follow-up reactions [426];
this can be avoided by adding a little acetic acid to the cathode compartment.

In undivided cells the counterlectrode reaction must be chosen with care, as the
products from it obviously must not interfere with the proper electrode reaction. This
becomes a problem especially in nonaqueous solvents; in such media, hydrogen evolution
is generally an acceptable counterlectrode reaction for oxidations; for reductions, the
oxidation of oxalates and formates to carbon dioxide or azide to nitrogen [452] may be
a solution to the problem.

In nonaqueous media, a sacrificial electrode or hydrogen gas diffusion electrode may
be advantageous (discussed earlier).

The ideal solution is to have two useful electrode reactions, paired electrosynthesis.

C. Removal of Oxygen

Before electrolysis, most of the dissolved oxygen may be removed by bubbling an inert gas
through the solution. It is advisable, especially for smallscale work in nonaqueous sol-
vents, to saturate the gas with the solvent before it is introduced into the cell. The inert gas,
nitrogen or argon, may be obtained commercially sufficiently pure, but if not, nitrogen
may be purified by passing it through a tube containing a (commercially available) copper
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catalyst. Previously, nitrogen has been purified by bubbling it through solutions of Cr(II)
or V(II) salts or a Fieser solution.

Removal of traces of oxygen from a solution by bubbling an inert gas through it is
virtually impossible; if such traces must be avoided, all manipulations must take place on a
vacuum line and the cells constructed accordingly.

D. Determination of n Values

A direct determination of n values (n = F/mol in a reaction) can be made by microcou-
lometry. However, n values derived from electrolyses with macroelectrodes should be
considered with some care because of the possibility of further reactions during the time
of the experiment. A reliable procedure for compounds that can be dissolved fully is to
follow the concentration of the electroactive substance analytically, plot corresponding
values of the response and coulometer readings, and calculate the n value from the slope of
the possibly straight line obtained during the first part of the electrolysis. If a straight line
is not obtained, this indicates that secondary reactions take place.

E. Workup

Often, from the point of view of electrolysis, the choice of electrolyte or solvent is free
within certain limits, and the workup may then be facilitated considerably by a suitable
selection of experimental conditions. For example, the reduction of a nitroalkane [50] to a
hydroxylamine requires an aqueous acid medium; sulfuric acid is just as good as hydro-
chloride acid for the electrolysis, but whereas hydrochloric acid may be removed in vacuo
at a low temperature, leaving an alkylhydroxylamine hydrochloride, the sulfuric acid must
be neutralized and the free, less stable base extracted.

Salts may be removed by electrodialysis using cation and anion exchange membranes
[13,14] or bipolar membranes [13,14].

F. Removal of Impurities

To obtain a meaningful value of electricity consumption, it is necessary that electricity not
be consumed by impurities. A convenient way to remove impurities is to preelectrolyze the
catholyte at a potential somewhat more negative than that to be employed during the
electrolysis of the substrate. When the background current has reached an acceptable
value, the substrate is added and the electrolysis performed at the required potential.

Impurities of nucleophiles or electrophiles may be removed from aprotic solutions by
passing the solution through a column of active, neutral alumina; the alumina may be
activated at 400—450°C in vacuum and used immediately after.

G. Detection of Intermediates

During the electrolysis it is advisable to obtain some indication of what is going on in the
cell. An indicator microelectrode in the electrolytic cell is valuable in order to follow the
progress of the electrolysis and to detect intermediates. An intermediate more easily redu-
cible than the substrate, for example, may be detected as a small prewave, and its half-
wave potential or other voltammetric characteristics used for its identification.
Polarographic or cyclic voltammetric curves measured during the electrolysis also present
a means of monitoring the process. The combination of electrochemical and optical tech-
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niques to detect intermediates was discussed in Chapter 2; an alternative is to use a fiber-
optic spectrometer equipped with a transmission dip probe [45,46].
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. INTRODUCTION

The electrochemical reduction of pure hydrocarbons without functional groups is almost
exclusively restricted to unsaturated compounds. The reason is that aliphatic hydrocar-
bons have extremely low electron affinities, which render their reduction impossible,
despite a gain of solvation energy within the stability limits of conventional solvent—
electrolyte systems.

Thus, electrochemical data involving both thermodynamic and kinetic parameters of
hydrocarbons are available for only olefinic and aromatic n-systems. The reduction of
aromatics in particular had already attracted much interest in the late 1950s and early
1960s through the pioneering work of Hoijtink. The correlation between the reduction
potentials and molecular orbital energies of a series of aromatic hydrocarbons was one of
the first successful applications of the Hiickel molecular orbital (HMO) theory, and
allowed Hoijtink to develop a coherent picture of cathodic reduction [1]. The early
research on this subject has been reviewed several times, emphasizing polarographic stu-
dies as well as physical chemistry [2—4].

Later, during the golden age of mechanistic chemistry, interest focused on the elu-
cidation of reaction paths of cathodically generated species, including disproportionations
[5] and chemical follow-up processes [6]. Techniques were developed and improved to
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measure both the kinetics of coupled chemical reactions [7] and thermodynamic para-
meters such as redox potentials of higher charged aromatics [8]. The discovery of the
redox properties of conducting polymers in 1979 and later of the fullerenes [9] gave new
impetus to the electrochemistry of unsaturated hydrocarbons, initiating extended studies
on the redox properties of these species [10].

We report here on the cathodic formation and follow-up reactions of anionic species
of hydrocarbons. Other generation techniques, such as reduction by solvated electrons or
indirect electrolysis, are discussed in detail in Chapter 29.

. FORMATION OF RADICAL ANIONS, DIANIONS, AND POLYANIONS
A. Experimental Aspects

The first data on the electrochemical reduction of aromatic hydrocarbons were published
by Wawzonek et al. [11]. They used polarography as a measurement technique and
observed in most cases a series of one- and two-electron reduction waves, clearly indicat-
ing follow-up reactions resulting from the attack of the protic solvent mixture (75%
dioxane-water) on the ionic intermediates. Later, electron spin resonance (ESR) spectro-
scopy revealed that charged species of aromatics generated by alkali metal reduction in
ethers are stable and normally possess an unpaired electron [12]. Thermodynamic reduc-
tion potentials of numerous aromatics were first measured by Hoijtink und van Schooten
in 96% aqueous dioxane, again using polarography [13]. These fundamental works were
decisive tests of the HMO theory, showing that the polarographic half-wave potentials
vary linearly with the HMO energies of the lowest unoccupied molecular orbitals (LUMO)
of the hydrocarbons [1]. Hoitjink et al. had already noticed that most aromatics can be
further reduced to their respective dianions [14]. They proposed a two-step reduction
scheme, in which both redox potentials 1 and 2 are on average separated by about 500 mV:
)
A=A~ )
]

AT = A )

However, their careful analysis also showed that most of the dianions were not stable
in the polarographic or voltammetric time scale, and even less so after bulk electrolysis,
and underwent follow-up reactions with water or other electrophilic impurities, details of
which are discussed in Sec. III.B.

Aprotic solvents such as acetonitrile [15,16] or dimethylformamide [17-20] consider-
ably improved the stability of the radical anions but normally had little effect on the
reactions of the more basic dianions [19-21]. The increased irreversibility of the dianion
formation is probably due to the ability of dianions to abstract protons even from the
solvent, or, by Hofmann elimination, from the tetraalkylammonium salts that are com-
mon supporting electrolytes in aprotic solvents [2].

Progress in electrochemical instrumentation soon stimulated the application of more
elaborated measurement methods than simple dc polarography, which facilitated studies
of heterogeneous kinetics and detection of follow-up reactions of the electrogenerated
species. Thus, conclusions originally drawn from the shape and height of polarographic
curves have been amply confirmed by straightforward diagnostic criteria in ac polarogra-
phy [20,22] and above all in cyclic voltammetry [19,23-25], nowadays the standard method
for mechanistic studies in organic electrochemistry [26].
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Hoijtink et al. [27] also developed an alternative method of generating anionic spe-
cies, which was improved by Szwarc et al. [28]. The technique involves potentiometric
titration of aromatic compounds with a standard solution of Na-biphenylide. The extre-
mely negative reduction potential of biphenyl assures that most of the common aromatics
can be reduced to at least their respective radical anions. The values of the thermodynamic
reduction potentials are generally obtained from the potentiometric titration curve. As all
experiments are usually carried out in ethereal solutions, such as tetrahydrofuran (THF)
or dimethoxyethane, problems of follow-up processes are less severe. Later, Gross and
Schindewolf [29] reported on the potentiometric titration of aromatics using solvated
electrons in liquid ammonia.

A fundamental improvement in the facilities for studying electrode processes of
reactive intermediates was the purification technique of Parker and Hammerich [8].
They used neutral highly activated alumina suspended in the solvent electrolyte system
as a scavenger of spurious impurities. Thus, it was possible to generate a large number of
dianions of aromatic hydrocarbons in common electrolytic solvents containing tetraalk-
ylammonium ions. It was the first time that such dianions were stable in the time scale of
slow-sweep voltammetry. As the presence of alumina in the solvent—electrolyte systems
may produce adsorption effects at the electrode, or in some cases chemisorption and
decomposition of the electroactive species, Kiesele constructed a new electrochemical
cell with an integrated alumina column [30].

Heinze modified the technique by purifying the solvent by transferring it under high
vacuum from the electrochemical cell to superactive alumina in a separate vessel [26]. Such
sophisticated methods made it possible to generate reversibly polyanions up to octaanions
of aromatic and olefinic hydrocarbons [26,31] (Fig. 1).

Further progress in stabilizing highly charged anions was achieved by the application
of unconventional solvents such as ammonia or dimethylamine at low temperatures. Using
these solvents, it was possible to observe the reversible generation of supercharged anions
at low scan rates in voltammetric experiments [32,33].

B. Thermodynamics

For purpose of description, the electrochemistry of hydrocarbons may usefully be classi-
fied in three categories: benzenoid, nonbenzenoid, and olefinic hydrocarbons, each of
which exhibit characteristic properties upon reduction.

Benzenoid hydrocarbons have been studied in greatest detail [2,4,34]. In aprotic
solvents they can be reversibly reduced to their respective anions without difficulties.
Even the electrochemical reduction of benzene in dimethoxyethane has been described
[35]. In many cases the electrogenerated radical anions are stable enough to allow the
simultaneous measurements of their ESR spectra [36-38]. The most striking feature of
benzenoid hydrocarbons is the excellent correlation between their thermodynamic reduc-
tion potentials and the predictions of semiempirical m-electron theories, especially of the
Hiickel approximation (HMO). As the thermodynamic reduction potentials are a measure
of the electron affinities of the respective compounds, they can be compared with the
theoretically calculated energies in the simple molecular-orbital (MO) picture, in which
additional electrons have been added to antibonding MOs of the m-systems. Therefore,
assuming that the solvation energies for a series of aromatic hydrocarbons are constant,
there should be a linear correlation between the thermodynamic reduction potentials (half-
wave potentials) and the energies m of the lowest unoccupied MO (LUMO):
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Figure 1. Cyclic voltammogram for the reduction of a polycyclic aromatic hydrocarbon (PAH)
with 29 condensed 5- and 6-rings, indicating the formation of an octaanion (THF/TBAPFg, T=
—40°C, v = 200 mV s~") (see Ref. 31c).

E[/z = —bmm+1 +C (3)

Independent voltammetric and polarographic measurements carried out in different
solvents such as 2-methoxyethanol, 96% dioxane, and dimethylformamide (DMF) con-
firm the relationship through excellent linear correlations with slopes b of approximately
2.40 [1,17,39,40]. Rather surprisingly, the differences in half-wave potentials of hydrocar-
bons from one solvent to another are very small. This constancy in energy values as well as
slopes of correlation lines in widely varying solvents and supporting electrolytes implies
that solvation energies, provided that they are not small, change in the same way from
system to system.

As already observed by Hoijtink [14], nearly all benzenoid hydrocarbons can be
reduced to their respective dianions—only benzene and naphthalene are exceptions. In
all experiments, these second reduction steps appear approximately —0.55 £+ 0.10 V nega-
tively to the first reduction, provided that the supporting electrolytes used were tetra-
alkylammonium salts. Therefore, these reduction potentials were also correlated with
the LUMO energies of the HMO model [3]. It was suggested that the energy difference
of 0.55 eV corresponds to the repulsion energy between both electrons in the LUMOs of
the dianions [1], despite the differences in their structures. On the other hand, quantum-
mechanical calculations show that the repulsion energies are much larger. Dewar has
calculated values in the range of 5 eV [41]. The discrepancy between experiment and theory
results from the fact that ion-pairing effects and solvation influences have been neglected
in the calculation. Experimental data clearly reveal that counterion effects that efficiently
shield the negative excess charge have in the past been underestimated and are consider-
ably stronger for di- and polyanions than for radical anions [42-44].
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A=A 4+ A (4)

In polar solvents such as DMF or acetonitrile, the interaction increases in the order
tetrabutylammonium < K < Na < Li and, consequently, reduction potentials shift in a
positive direction [6,45]. Obviously, ion pairing is greatest for the small lithium ions, in
agreement with the prediction of Born’s equation [46]. In the case of solvents with low
dielectricity constants the pattern is different, and ion pairing becomes dominant as the
radius of alkali cations increases [44,47,48]. The reasons for this behavior have not yet
been studied in detail, but it has been proposed that in ethereal solvents the solvation of
small cations remains stronger than that of larger ones, and therefore ion pairing of
potassium should be more pronounced than that of lithium.

Ion-pairing effects may considerably influence disproportionation mechanisms,
which involve homogeneous redox reactions of anions to their respective dianionic and
neutral species [49].

Disproportionation mechanisms have been proposed for protonation reactions and
intramolecular rearrangements (see Sec. III.B and II1.D) [50,51]. Their prominent feature
is that follow-up processes at the level of the dianion can already take place at potentials
corresponding to radical anion formation. In order to evaluate data for disproportiona-
tion reactions it is necessary to know the value of the disproportionation equilibrium
constant,

[AT]IA]
Kp=r—-
D [A_ _]2 (521)
RT

This can be determined from the difference in reversible potentials of the couples A/
A~ and A7 /AT,

In the case of benzenoid aromatics, Kp values range between 10~ and 1073, pro-
vided that tetraalkylammonium salts have been used as supporting electrolytes [8b]. In
solvents of low dielectricity constant, additional effects are observed, showing influences of
the supporting electrolyte concentration and of the nature of the cations [6]. In the tetra-
alkylamonium series the strongest (contact) ion pairs are formed by Et N, and K, is
largest for that cation [8b,52].

Drastic changes in the disproportionation constants occur when alkali cations are
used instead of tetraalkylammonium ions. Typically, the potentials of the radical anion
formation is less affected than that of the dianion formation. In the presence of alkali
cations, AE" shifts may reach values of more than 600 mV, which correspond to an
increase in the K constant of more than 10 orders of magnitude [49].

The electrochemistry of nonbenzenoid hydrocarbons has attracted much interest
because their structures offer unusual insights into m-electron systems, which undergo
geometric changes upon reduction and obey both the Hiickel 4n and 4n + 2 rules.

The most widely studied examples are cyclooctatetraene (COT,I) and its derivatives.
In such conventional aprotic solvents as DMF, dimethyl sulfoxide (DMSO), or acetoni-
trile containing tetraalkylammonium salts, two distinct one-electron reduction waves are
observed at approximately —1.64 V and —1.80 V versus SCE, with AE’ separations
varying from —130 V to —240 mV [43,53-56]. In THF and NHj3, this separation reduces
further [57-59], and in the presence of all alkali salts [60,61] even two-electron reduction
waves with positive AE® differences were obtained, indicating large disproportionation
constants. The unusually small separation of the two redox steps in comparison to the
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data of benzenoid aromatics was ascribed to the fact that the planar COT dianion forms a
4n + 2 m-electron system that is stabilized by its gain in Hiickel resonance energy [62].
Obviously, strong ion-pairing effects additionally favor the formation of the dianion
[60,61]. On the other hand, it was argued that a negative shift of the first reduction
step, leading to small AE® values, is caused by energy requirements accompanying the
transition from the tube-shaped to the planar molecule. This is supported by electroche-
mical results obtained with methyl-substituted COT derivatives. Thus, all methyl-substi-
tuted derivatives due to a steric barrier are harder to reduce than I itself, and in 1,2,3,4-
tetramethylcyclooctatetraene (IT) reduction occurs at the extremely negative potential of
—3.6 V(HMPA vs. SCE) [63]. In the case of phenyl-substituted COTs the steric demand is
by and large energetically compensated through the planarization of the system and the
subsequent resonance interaction between the phenyl moieties and the COT ring.
Therefore, the reduction potentials are similar to that of unsubstituted I. In addition,
the resonance-stabilizing effect upon the dianion is sufficient to shift the second redox
potential E,° positively to E,°, thus producing a single two-electron reduction wave [55]. It
is interesting to note that electrochemistry of the doubly-decked [8]annulene (= 2,(1,5)-
cyclooctatetraenophane) also indicates some sterical strain [64]. The formation of the
monoanion occurs at a potential of —2.43 V (DMA, Ag/AgCl). It can be reduced up to
its tetraanion at a potential of —3.22 V.

The redox behavior of a number of higher annulenes than I has been studied during
the past 25 years. The evaluation of their electronic properties has attracted much interest
because it offers a good comparison of the fundamental differences between 4n and 4n +
2 m-systems. As predicted by the simple MO theories, the transfer of an electron to a
[4nJannulene should be energetically favorable because the electron is inserted into a low-
lying nonbonding orbital. The further reduction to the dianion leads to a stabilized (aro-
matic) 4n + 2 m-system, which therefore should be easily accessible. In contrast, during
the reduction of an aromatic [4n + 2] annulene electrons are injected into a LUMO with
high energy. and in the second reduction step an unstable 4n dianion is generated.

O Do

gy (Im) Iv)

Consequently, the reduction of [4nJannulenes should be observed at relatively posi-
tive potentials with small AE” separations for the dianion formulation, while the reduction
of the [4n + 2] annulenes should occur at more negative potentials with large AE’
separations for the dianion formation. This is exactly what is observed in experiment
(see Table 1). Although benzene [35], the classical Hiickel aromatic with 4 x 1 +2 =06
m-electrons, is reduced at —3.42 V (vs. Ag/AgCl), the reduction of the [8Jannulene COT
occurs at —1.81 V. Similarly, the [16]Jannulene (IIT) [65.66] is more easily reduced than the
corresponding [18Jannulene (IV) [67]. although the reduction of the larger m-systems
should be more favorable for electrostatic reasons.

For larger annulenes, even the reduction to tetraanions is possible [44,48.69]. This is
especially favorable for neutral 4n + 2 species, which. after the injection of four electrons,
reform a stabilized 4n + 2 n-system. On the other hand, the existence of four excess
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Table 1 Redox Potentials E® for the Reduction of Aromatic and Olefinic Hydrocarbons

Compounds E% r-(V) E(}){_ /R W2 EORg- re-(V) E%J_ ;- (V) Reference
Benzene? —-3.42 — — — 33,35
Naphthalene® -2.53 — — — 33
Anthracene® —2.04 —2.64 — — 33
Chrysene® -2.27 -2.77 — — 8b
Corenene® -2.07 -2.72 — — 8b
1,2-Benzanthracene” -2.05 -2.67 — — 8b
Phenanthrene® ~2.49 -3.13 — — 33
Triphenylene® -2.42 -2.97 — — 33
Pyrene® -2.29 -291 — — 33
Biphenyl® —2.68 —3.18 — — 10a
p-Terphenyl? -2.40 -2.70 — — 33
o-Terphenyl —2.62 -2.72 — — 232
Quaterphenyl® -2.28 ~2.455 — — 33
Stilbene? -2.26 -2.72 — — 33
Bianthryl” —-1.92 -2.14 —-2.82 -3.17 33
Biphenanthryl® -2.35 -2.51 -3.23 — 33
Decacylene® —-1.74 —2.14 —2.35 —2.68(—2.88) 26
2.2"-Distyryl-biphenyl® -2.12 -2.21 -2.81 -3.13 224
4.4 -Distyryl-biphenyl® -2.30 -2.52 —3.06 — 224
p-Oligophenylenevinylene (n=1)*  —2.00 —2.24 — — 31b
(n=2" —1.86 -1.97 -2.79 -3.10 31b
(=3 —1.85 —191 —2.46 ~2.88 31b
Acepleiadylene® —1.85 —-2.51 -3.11 -3.14 44
cot? -1.81 ~1.94 — — 55
[12] Annulene® —1.35 —2.00 — — 70
1,7-Me:‘[hano[12]annulene:f —1.51 —1.84 — — 78
15,16-Dihydropyrene —2.22 —3.01 — — 62
([14]Annulene)®
[16]Annulene’ -1.27 -1.56 — — 65
[18]Annulene’ —1.60 —1.94 — — 67
Heptalene —1.49 —2.19 — — 78

Cyclic voltammetry was performed at a Pt electrode with solutions of 1073-107* M in substrate. All potentials
are expressed in V versus Ag/AgCl; solvent: dimethylamine-TBABr, temperature between —40 and —65°C.
®DMF-Me;NBr, potentials versus Ag/AgCl (corrected from SCE).

‘THF-NABPh, or LiBPh,, potentials versus Ag/AgCl.

¢ACN-TEAP, potentials versus Ag/AgCl (corrected from SCE).

*THF-TBACIOQ,, potentials versus Hg pool.

fDMF-TBACIQ,. potentials versus Ag/AgCl (corrected from SCE).

fDMF-TBACIQ;, potentials versus Ag/0.1 M AgNO;.

charges in one molecule gives rise to strong electron repulsion. It can be shielded only by
ion pairing, which drives the formation of the tetraanion to a potential sufficiently positive
for reduction to occur within the stability range of the solvent—electrolyte system. Thus,
the electrochemical reduction of acepleiadylene (V) to its tetraanion was only achieved in
THF in the presence of LiBPh, as supporting electrolyte [44]. Attempts to generate the
same species in the presence of tetrabutylammonium ions were unsuccessful.
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Several studies have been published concerning the problem of homoaromaticity and
its influence on reduction potentials. The term ‘“homoaromaticity” is applied to cyclic
resonance-stabilized systems in which a carbon—carbon double bond is replaced by a
cyclopropane ring, or a saturated carbon atom is introduced into the conjugated chain.
Paquette et al. investigated the reduction of cis-bicyclo-[6,1.0]-nona-2,4,6-triene (VI) and
similar derivatives [71]. They found that it is reduced (—2.59, —2.79 V) more negatively
than T but more easily than cyclooctatriene (VII) (—2.77 V), thus proving a degree of
homoconjugative stabilization in the radical anion of VI. Analogously, dibenzonocara-
diene (VIII) is easier to reduce than biphenyl, but harder to reduce than phenanthrene [72].
The electrochemical reduction of 1,6-dimethylbicyclo [4.4,1]lundeca-2.4,7,9-tetraene (IX)
was also interpreted in terms of homoconjugation in the anions. The reduction appears to
proceed via an ECE scheme in which the initial reduction produces an unstable radical
anion which undergoes a structural change, producing another radical anion with a con-
jugatively stabilized p-system. The second electron transfer occurs more easily than the
first one, thus producing a typical “two-electron” reduction [73].

o U0 OO @

(XD (XII) (XIII)

Of the condensed nonbenzenoid aromatics, azulene (X) has gained greatest popu-
larity [74]. Although it is an isomer of naphthalene, its electrochemical behavior differs
markedly from its benzenoid counterpart. Azulene is reversibly reduced at —1.62 V (vs.
Ag/AgCl), while the reduction of naphthalene takes place at —2.53 V [33.75].
Furthermore, the anion of azulene is extremely stable against the attack of protons [76].
The bicyclus octalene (XI) has 14 m-electrons. H'-NMR data show that it possesses a
nonplanar structure with polyolefinic properties and therefore resembles its monocyclic
relative COT. Polarography and cyclic voltammetry reveal that it is reversibly reduced to
the radical anion at E;, = —1.67 V and, rather surprisingly, in a three-electron process at
Ei» = —1.70 V to its stable tetraanion [77]. This unusual behavior can be only explained
by assuming that the energy gain from delocalization in the planar 18 m-system is higher
than torsional and electronic repulsions. Other bicyclic systems such as heptalene (XII)
[78] and pentalene (XIII) [79] can also be reduced to their respective anions. Nevertheless,
in comparison with equivalent monocyclic m-systems such as I, their reduction behavior is
still not properly understood.

X1V) (XV) (XVI) (XVII)
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A further group of nonbenzenoid aromatics is the series of odd-membered cations
and anions such as cyclopropenium (XIV) and tropylium cations (XV) as well as cyclo-
pentadienyl (XVI) and cyclononatetracenyl anions (XVII). Regarding the arguments for
the properties of Hiickel-like 4n + 2 m-systems, all these molecules should be energetically
stabilized. Obviously, this is not fulfilled in all cases. The tropylium cation (XV) can be
reduced in a one-electron step to the tropyl radical even at E = +0.06 V versus SCE [80].
The radical is unstable and rapidly dimerizes to bitropyl. The heptaphenyl tropylium
radical is stable on the voltammetric time scale, but decays slowly producing a dimeric
species involving coupling via the phenyl groups [81]. Similarly, 2.3-diphenylethyl-cyclo-
propenyl is irreversibly reduced in CH;CN at E, = —0.04 V. On the other hand. the
reduction of trimethylcyclopropenyl occurs at —1.32 V, which is in better agreement
with the prediction of the Hiickel theory [82-84]. Otherwise, relatively positive reduction
potentials seem to be typical for most carbocations [85]. The easy reducibility is probably
caused by the excess positive charge.

The discovery of the metal-like properties of conducting polymers has once again
focused attention on the oxidation and reduction characteristics of aromatic systems. It
turns out that most of these conducting materials consist of chainlike connected carbo-
cyclic or heterocyclic aromatics (see Chapter 32) [86-88].

The simplest molecules in these series are dimers, followed by oligomers of increasing
chain length and polymers. As the current—voltage curves of polymers are difficult to
interpret, quantitative information on the redox properties of such systems was preferen-
tially obtained from reduction experiments with dimers and defined oligomers. Redox data
on dimers are available for biphenyl [10], bianthryl [49b,89], biazulenyl [90], bicycloocta-
tetraenyl [91] and dimeric [14]annulenes [92]. All species can be reduced to at least their
respective dianions. In the case of bianthryl and bicyclooctatraene, even the formation of
tetraanions has been observed. In general, the observed redox potentials of the monoanion
formation differ significantly from those of the monomeric parent compounds and shift to
less negative values. This is evidence of conjugative stabilization in the charged oligomeric
unit [93]. On the other hand, large AE® separations between the redox potentials of the
respective mono and dianions indicate strong electron repulsion between both electro-
phores. A typical example is biphenyl, which is reduced to the radical anion at —2.68 V
and to the dianion at —3.18 V [10], whereas the reduction of the monomeric benzene
occurs at —3.42 V [35]. Obviously, the biphenyl anion has gained a considerable amount
of conjugative stabilization energy, while in the dianion strong electron—electron repulsion
dominates.

During the last decade, the concept of the oligomeric approach has been developed,
which includes electrochemical studies of a great number of monodisperse chainlike
hydrocarbons. Voltammetric measurements carried out with several oligomers of the p-
phenylenevinylene (XVIII, n = 1-6) [31a,b] and the p-phenylene [10] series, respectively,
clearly demonstrate that the reduction properties of such oligomers and polymers depend
on the chain length of the systems. Three effects are especially significant. First, the
potentials of already existing redox states shift to less negative values when the next higher
homologue is reduced. Obviously, the redox energies of different states gradually
approach a common convergence limit with increasing chain length. Second, the redox
states degenerate pairwise with increasing chain length, and third, in agreement with
expectations, adding successive monomeric subunits in the molecular chain enlarges the
number of accessible redox states. However, the energetic gap increases strongly between
the lowest and the highest charged states. From these results, it becomes clear that in
conducting polymers such as poly-p-phenylene a reasonable number of energetically low-
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lying redox states are degenerated, followed by redox states with increasingly higher
energies [10]. This explains the broad. plateaulike waves that are so often characteristic
of the potential range following the peaklike main wave in voltammetric experiments.

Quite a large number of publications that have appeared since that time support
these findings, but have also introduced new aspects that show the complexity of redox
mechanisms in such systems [94]. Very systematic studies have been carried out by the
Miillen group, who have varied in chainlike oligomers the type and coupling position of
the electroactive monomeric building blocks and the modes of linkage, using both satu-
rated and unsaturated species with different lengths [95]. Their results clearly show that the
size of the aromatic subunit, the overall number of m-electrons, the n-topology, and steric
effects are important factors for the redox behavior of all these species. Thus in the series
of oligoarylenevinylenes, replacement of the phenylene unit by larger arylene units
enlarges the charge capacity of the respective systems. While the p-oligophenylenevinylene
XVIII (n = 1) with three phenylene units can be electrochemically reduced up to a
dianion, the corresponding naphthalene derivative IXX (n = 1) reaches a trianion level
and the anthracene derivative XX (n = 1) even a hexanion state [95-98].

/ ®
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An important reason for this phenomenon is the fact that the better the excess
charges in condensed aromatic units are stabilized, the larger the w-structure is. Of course,
the energetic stabilization of an excess charge in a large aromatic unit diminishes the trend
for its delocalization and Coulombic repulsion effects along the chain. Therefore, the shift
of the first redox potential in dependence on the chain length is less pronounced for the
naphthalene and anthracene derivatives than for the phenylene system or the pure oli-
goene chain, and, moreover, the separation between successive redox steps becomes sub-
statially smaller as the number of w-subunits increases. A further influence on the redox
properties results from the coupling pattern between the vinylene and the arylene units.
Measurements on para-, meta-, and ortho-coupled phenylenevinylenes reveal that it is
more difficult to charge meta- and ortho- homologs than the corresponding para-homo-
logs. However, the conjugative uncoupling of two mera-groups in a phenylene ring
diminishes Coulombic repulsion, and therefore the energetic separation between successive
redox steps decreases [98].

The redox properties of oligo-p-phenylenes change when sterically relevant methyl
groups exist in the central rings. Thus, in comparison with the unsubstituted oligomers in

@:
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methyl-substituted homologs, e.g., XI, with four or more phenylene units, the first reduc-
tive redox step is shifted to a more negative potential and a two-electron wave appears in
the voltammetric response [99]. This can be interpreted by assuming that, due to steric
hindrance, additional energy is needed to planarize the phenylene chain for the first
electron transfer, and that the second electron is able to enter the then flattened system
at the same or even a more positive potential.

O~-O~O~<0O~0O~O =

Within the hydrocarbons containing olefinic double bonds, polyacetylene (PA) is the
most thoroughly studied system. The great interest results from its extremely high con-
ductivity up to 100,000 S/cm, which emerges an oxidative or reductive charging of the
polymer [86,87,100]. As already found by MacDiarmid [91], PA can be reversibly reduced
to a polyanionic material. Its thermodynamically stable form is the trans configuration. In
an electrochemical study [101] it was shown that cis-PA is irreversibly isomerized to the
trans form upon reduction at E; = —1.80 V versus Ag/AgCl (liquid NH;, Nal). The
voltammetric experiments prove that the isomerization only takes place via the charged
cis segments of PA. The charged cis component is thermodynamically unstable and trans-
forms through a fast chemical step to the trans form (EC mechanism), the redox potential
of which is shifted in the positive direction (E>,,, > E>.). Similar stability conditions are
also valid for monomeric olefins. The bestknown example is that of the dialkyl maleate/
fumerate system [102]. Again, the reduction potential of the cis form is more negative than
that of the frans form (AE® =0.28 V), and reduction of the cis-maleate induces the
irreversible isomerization to the trans-fumarate. The redox potential of cis- and trans-
stilbene with values of —2.18 V and —2.15 V versus SCE (DMF, TBAI) are almost
equal, and therefore the electron-transfer-induced isomerization is slow (see Sec IIL.D)
[103,104].

Despite the great interest in PA, there are only a few electrochemical studies of
monodisperse oligoene systems. The reason is the high reactivity of doped alkyl-substi-
tuted oligoenes in the presence of nucleophiles or electrophiles. Normally, these oligomers
consist of a carbon chain with alternating single and double bonds and two terminating
groups, which are equal in most cases. Thus, a -butyl group [105-107] or, in the case of «-
and B-carotenoids, a cyclohexenyl group [108], has been used, while phenyl or other
aromatic substituents have been used as end groups in the so-called arylpolyenes [109].
The chain length n (n = number of double bonds in the conjugated system) again deter-
mines the electronic properties of the oligomers.

(XX11)
ENYERENGNTYE g NN N

n n
(n=0-4)

A series of carotenes [110] XXII (n = 4 and other) may serve as an illustration of this
redox behavior. Cyclic voltammograms for the different species are shown in Fig. 2. As
can be seen, the reduction for the oligomers with n = 5 starts with two well-separated one-
electron redox steps, whereas its oxidation already involves a two-electron transfer. With
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Figure 2. Voltammograms for the reduction of g-carotenoids (XXII) in dimethylamine/TBABr, T
= 213 K, n = number of double bonds (see Ref. 110b).

increasing chain length, there are additional weakly separated redox pairs. The potential
gaps in the single pairs and between them decrease. Thus, two-electron transfer steps are
most likely to occur for the longer polyenes (n > 19).

A further interesting point concerns unusually small differences between the reduc-
tion potentials of mono- and dianions of some molecules containing olefinic double bonds.
Although in trans-stilbene the formation of the dianion occurs approximately 500 mV
negatively to the radical anion formation [33,104], for tetraphenylethylene the standard
potentials for the R/R™ couple (E%/R—) and the R™/R*™ couple (Eg /R:_) are very closely
spaced. The AE? separation amounts in HMPA to —138 mV, in DMF to —35 mV, and
reaches in ACN even positive values of approximately 150 mV [111-113]. Consequently,
the disproportionation constant K varies within five orders of magnitude, a phenomenon
mainly ascribed to increasing ion pairing ongoing from HMPA to ACN [113].
Nevertheless, intermolecular phenomena alone are not sufficient to explain the dramatic
decrease of the AE? separation in tetraphenylethylenes in comparison to stilbene. It is now
generally accepted that structural changes involving twisting of the ethylenic bond and
accompanying the dianion formation are the main reason for the enregetic stabilization of
the dianion of tetraphenylethylene [114]. Similar effects also observed with 9,9’-bifluor-
enylidene [115].
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A new class of conjugated hydrocarbons is the fullerenes [9b], which represent an
allotropic modification of graphite. Their electrochemistry has been studied in great
detail during the last decade (see Chapter 7). The basic entity within the series is the
Cso molecule. Due to its high electron affinity, it can be reduced up to its hexaanion
[10,116]. Solid-state measurements indicate that the radical anion of Cg, reversibly
dimerizes. NMR measurements confirm a o-bond formation between two radical
anion moieties [117].

C. Kinetics

Conversion of an oxidized species into the reduced form and vice versa requires the
reorganization of the solvent in the immediate neighborhood of the reactant, together
with some structural changes within the reactant. In the case of heterogeneous charge
transfer, additional double layer effects are operative, which depend, inter alia, on type
and concentration of the supporting electrolyte, but may be also influenced by the elec-
trode material used as well as adsorption phenomena. Theoretical concepts have been
developed by Hush, Marcus, and Dogonadze [118-120]. Applications of the Marcus
theory to problems in organic electrochemistry have been discussed by Eberson [121].
As most studies on the reduction of hydrocarbons were carried out in aprotic solvents
in the presence of excess supporting electrolyte, double-layer influences on electron trans-
fer kinetics were usually regarded as less important [2,122]. Normally, the rates of hetero-
geneous electron transfer to aromatic and olefinic hydrocarbons are high. It is assumed
that the activation barrier is mainly caused by the solvent reorganization. Such reactions
are termed outer-sphere processes. Reductions of systems which require in addition a large
conformational energy change in the transition state are rare [123]. The most widely
discussed example from this class is the COT molecule (I), which exhibits a slow hetero-
geneous electron transfer for the anion formation, while the rate between the anion and
the dianion is significantly faster [53,54,61]. In the literature it has been suggested that
upon reduction the tube-shaped ring passes through at least a partially flattened transition
state to form a planar anion radical. The experimentally determined activation energy (10—
11 kcal/mole), which is similar to the activation energy of ring inversion (13.7 kcal/mole),
has been interpreted as supporting evidence [122}. However, independent studies of Fry et
al. [43] and Parker et al. [57] have shown that the rate constant for the first reduction step
increased as the cation size of the supporting electrolyte decreased from tetraheptylam-
monium to tetramethylammonium. This contradicts the assumption of pure structural
reorganization effects during the reduction of I and points to adsorption phenomena of
the electrolyte cations. Moreover, in a very recent EPR investigation, homogeneous rate
constants for the COT~/COT electron self-exchange process were found to be close to the
diffusion limit (NIO9 M~ s7!) [58Db]. It seems that the influence of structural reorganiza-
tion on the activation process was overestimated in earlier work. In a recent paper, Evans
discussed electron-transfer reactions of some fully e-methylated cycloalkane-1,2-diones in
which the contributions of internal reorganization are substantial [124]. In that case, both
homogeneous (self-exchange) and heterogeneous electron-transfer rate constants are
affected by the structural differences among these diketones.

Tetraphenylethylene is another example of a slow charge transfer. Here, the radical
anion formation is fast, whereas the second charge transfer is slow [111]. In agreement
with the thermodynamic findings, the second charge transfer suggests that considerable
structural reorganization occurs at the activation barrier of the second reduction step. Nor
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is it yet clear to what extent solvent reorganization as well influences the activation energy
[111].

Ill. FOLLOW-UP REACTIONS OF THE REDUCED SPECIES

With one or even more electrons in antibonding orbitals, reduced hydrocarbons are highly
reactive species capable of both inter- and intramolecular reactions. The preferred path-
way of the follow-up reaction depends not only on the electronic and steric structure of the
reduced species but also on its chemical environment, especially on the counterion and the
solvent.

A. Homogeneous Electron Transfer

The most elementary follow-up reaction is the homogeneous electron transfer (ET) to
another solution species, which may be identical with the donor molecule itself [49a].
The equilibria of homogeneous ET reactions are governed by the standard potentials of
the involved redox couples and are easily calculated with given data according to Egs.

(6)-(9):

K

AT +A = A +HAT (6)
E)

Al =+ e = AtlT (7)
ES

Ar4e” = A, (®)

R—FTln K =E) - E ©)

The kinetics are much more complex and depend on the reorganization of the
molecular framework [125], the solvation shell, and the electrostatic interaction. A semi-
quantitative estimation of rate constants may be obtained with the well-known Marcus
equation [126]. The calculated data compare quite well with experimental values. Most of
the experimental hydrocarbon data have been provided by Szwarc and his school [5]. The
state of the art has been discussed in an excellent review [121].

Homogeneous ET has to be taken into account whenever dealing with electrode
reactions, as was pointed out by Marcoux [127]. It is of special importance when the
heterogeneous ET is slow, providing an additional and more effective pathway to reduced
species. The homogeneous rate constant for the second charge transfer in I, similar to the
heterogeneous charge transfer, is considerably larger than the first one. The difference
greatly depends on the experimental conditions. It has been shown by cyclic voltammetry
in superdry THF/TBAPF that the first ET can be catalyzed by the dianion of COT itself
in a homogeneous synproportionation, giving rise to a catalytic spike. The mechanism has
been confirmed by digital simulation [58].

Quite often the resulting species undergoes a fast follow-up reaction. Thus, homo-
geneous ET becomes a crucial step in many electrode reactions: A well-known example is
the cathodic reduction of organic halides. At mercury, heterogeneous electron transfer to
most halides is slow. This kinetic barrier may be circumvented by addition of aromatic
hydrocarbons such as phenanthrene [128], anthracene [129], and naphthalene [128]. These
compounds are easily reduced at the cathode and transfer their excess electron to the
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organic halide. The resulting halide anion radical undergoes a fast follow-up reaction. The
whole reaction sequence is:

A+e =A~ (10)
A7 +PhCl = A + PhCI~ (11)
PhCl™ — Ph" +CI™ (12)
Ph" + A==Ph + A (13)
Ph~ +H" — PhH (14)

Regeneration of hydrocarbon in Egs. (11) and (13) makes the process catalytic.

The reduction of organic halides in the presence of aromatic hydrocarbons has been
the subject of detailed kinetic studies, which provide rate constants for the homogeneous
ET [130] and the follow-up reaction [131]. The theoretical basis for this kind of experiment
(“homogeneous redox catalysis™) was laid by Savéant’s group in a series of papers in
1978-1980 [132-134]. Homogeneous ET also plays an important role in the protonation
of anion radicals [135], and it is also an essential step in the sigmatropic rearrangement in
l-arylindenes [136]. Both reactions are discussed here.

When an anion radical undergoes heterogeneous ET, formation of the neutral mole-
cule in the ground state is strongly favored over formation of an excited state [137]. No
such restriction applies to homogeneous ET, which, if sufficiently exothermic, may yield
excited states of hydrocarbons. One may naively suppose that an electron is removed from
the bonding molecular orbital of highest energy to give either the first excited singlet or
triplet; electrochemiluminescence [138] may then occur.

The emission observed is usually the fluorescent band of the hydrocarbon, corre-
sponding to the decay of the first excited singlet. The energy released by homogeneous
electron transfer is given by the difference between the redox potentials of donor and
acceptor plus a small entropy term [139], and in many case sof electrochemiluminescence
falls short of the energy needed to populate the singlet state directly. In these “‘energy-
deficient™ cases there is sufficient energy to populate the lowest triplet state, and singlets
can then be produced by diffusion-controlled triplet—triplet annihilation. Emissions
observed at wavelengths other than that of the main singlet have been ascribed to excited
dimers (eximers) [140,141], excited charge-transfer complexes (exiplexes) [142,143], and
fluorescent products of radical-ion decay. Acceptors in electrochemiluminescence may
be the corresponding hydrocarbon radical cations, added alkyl halides [144] or benzoyl
peroxide [145], or adventitious impurities, which need be present at only 1077 M levels.
Experimental technique for the method is demanding [146]. Research attention is turning
from the energy balance to the detailed mechanistic steps between electron transfer and
photonic emission to the question of the quantum efficiency of the process.

B. Addition of Electrophilic Reagents and Related Reactions

1. Protonation

Under protic conditions, aromatic hydrocarbons and compounds with activated double-
bonds usually undergo Birch-like reactions [11,147]. The reaction sequence has been elu-
cidated by the classical work of Hoijtink [13,14,20,148,149], who used HMO theory to
rationalize both chemical and electrochemical steps.

The anion radical produced by homogeneous ET is monoprotonated to give a
Wheland-like n-radical. Tt readily accepts another electron because its bonding or non-
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binding SOMO (single occupied molecular orbital) always has a lower energy than the
antibonding LUMO of the single hydrocarbon. The second ET preferably occurs by
disproportionation [135]. In a fast follow-up reaction the resulting carbanion takes
another proton to eventually yield the final dihydro product:

Ate = A" (15)
AT +HT = AH (16)
AH +e¢ = AH™ (17)
or
AH +AH +A” = AH™ +A (18)
AH™ +H' - AH, (19)

If the reduction potential of the resulting dihydro product is sufficiently positive, it
can undergo another reduction cycle. One of many examples is provided by the reduction
of benz[a]anthracene in 75% aqueous dioxane [11,13,14,150].

Because of its general importance to organic electrochemistry. the reaction scheme
just outlined has been the subject of detailed mechanistic studies [18,151-160]. As a model
reaction, protonation of anthracene anion radicals by phenol in dimethylformamide has
been selected. Of five limiting kinetic variants, ECE,.,, ECe,,,, DISP1, DISP2 and DISP3,
the favored pathway was found to be DISP1 [135]. It involves the protonation of the anion
radical and the protonated anion radical as the rate-determining step [Eq. (16)], followed
by homogeneous ET between the anion radical and the protonated anion radical [Eq.
(18)]. yielding the monohydrogenated anion, which is itself rapidly and irreversibly pro-
tonated to the final dihydrogenated product. This mechanism has been disputed because
of apparent deviations from predicted reaction orders [152—-156]. Recently, it turned out
that the inconsistencies are largely due to the formation of homoconjugated complexes
between phenol and the phenolate anion [158,159]. Thus, DISP1 now seems to be gen-
erally accepted.

The rate-determining step of the DISP1 mechanism, the protonation of the radical
anion, largely depends on its electronic structure. As a guideline, LUMO energies of the
parent hydrocarbon may be used [39,161]. The attempt to correlate rate constants with
highest local charge densities failed [162]. Therefore, Eberson suggested the application of
the Dewar—Zimmermann rules [163].

Under highly protic conditions, the major products of cathodic reductions of cyclic
conjugated hydrocarbons are usually dihydro derivatives [11,13,53,164]. In 2-methoxy-
ethanol, for example, naphthalene yields 1,4-dihydronaphthalene [164] and COT provides
mainly 1,3,6-cyclooctatriene [53].

These findings are in contrast to thermodynamics favoring in the case of naphthalene
the formation of conjugated 1,2-isomers. Therefore, kinetic control has to be assumed.
The site selectivity for the first as well as the second protonation step has been predicted by
HMO theory. One approach refers to local charge densities [13,165]; the other one uses
localization energies as a reactivity index [166]. In any event, the inductive effect of the
methylene group, formed in the first protonation step, has to be taken into account if two
sites provide comparable reactivity indices.

These techniques proved to be successful for the majority of the hydrocarbons, but
they failed for some compounds such as phenanthrene, terphenyl, or quaterphenyl. The
failure has been interpreted by the effect of the electric field on the charge distribution
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[167]. Actually, these molecules have strongly anisotropic polarizabilities. In a more recent
study, it was demonstrated that the isomeric ratio also depends on the counterion [168].

Under nominally aprotic conditions, 1,2-protonation dominates in naphthalene.
Reduction of naphthalene in anhydrous acetonitrile containing tetraethylammonium p-
toluenesulfonate yields 1,2-dihydronaphthalene, which is subsequently reduced to tetralin
[169]. Similarly, reduction of I in anhydrous DMF gives 1.3,5-cyclooctatriene almost
exclusively [53]. The formation of the thermodynamically more stable products is most
probably due to base-catalyzed isomerization.

An interesting situation arises from the reduction of CH-acidic hydrocarbons
because these compounds can undergo self-protonation. Actually, a voltammetric inves-
tigation of 1,3-diphenyl-2-methylindene and 4,5-methylenephenanthrene in DMF/TBAP
or DMSO/TBAP clearly indicated a DISP1 mechanism, analogous to that described ear-
lier [170a]. Similar results have been obtained for variously substituted indenes where the
stoicheiometry is in perfect agreement with a two-electron, two-proton reduction process
involving one-third starting material under self-protonation conditions, the remaining
two-thirds acting as an proton donor [170b]. Generally, under self-protonation conditions
the DISP1 pathway operates [Egs. (20)—(23)], in which the protonation reaction between
the radical anion (AH™) and the neutral species (AH) is the rate-determining step.

AH +e” = AH™ (20)
AH™ + AH = AH; + A~ 2n
AH, + AH~ = AH; + AH (22)
AH> + AH — AH; + A~ (23)

On the other hand, reduction of fluorene [171,172] results in a homolytic cleavage of
the CH bond (discussed later).

To study the stereochemistry of protonation reactions, substituted indenes have been
cathodically reduced in DMF/TBAP with added water or phenol [170b,173,174]. In the
presence of water, a formal ‘““anti” addition of protons was observed, whereas addition of
phenol led to the prevalent formation of products, formally deriving from “syn” proto-
nation. Obviously, steric effects and/or acidities of proton donor and the dihydroproduct
play an important role. A detailed discussion of stereochemical aspects is found in Chapter
26.

Quite often, ion pairing causes a substantial positive shift of the reduction potential.
For electrostatic reasons, the shift is especially large for the formation of higher valency
ions. Therefore, with increasing interaction of the counterion, di- and polyanion formation
becomes thermodynamically more favorable. Under these conditions, cathodic reduction
immediately produces dianions via disproportionation and heterogeneous ET. Because of
their high basicity, the dianions readily undergo protonation. Such a dianion mechanism
was observed when tetraphenylethylene was reduced in a acetonitrile-TEAP in the pre-
sence of water or alcohols. Kinetic measurements led to a mixed-order rate low, rationa-
lized by the existence of a hydrogen-bonded complex between the ion-paired dianion and
the proton donor [113].

The classical Hoijtink, mechanism and the dianion mechanism have been observed at
electrodes with a higher hydrogen overvoltage, such as mercury. If mercury is replaced by
platinum with its low hydrogen overvoltage, a radical pathway seems to be favored [175a],
which is closely related to catalytic hydrogenations of hydrocarbons. Spectro-
electrochemical experiments provided evidence for an additional hydride mechanism
[1750].
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2HY +2¢” =H, (24)
H:m +e = H™ + Héds (25)
A+H = AH" (26)

These results illustrate that the reaction sequence and the stereochemistry of catho-
dic hydrogenations are controlled by the solvent. electrolyte, proton donor, electrode
materials, etc. Thus, with increasing mechanistic knowledge, electrochemistry offers the
chance to realize highly selective hydrogenations.

The addition of protons certainly is the most common “nucleophilic” reaction of
reduced hydrocarbon species because of the almost ubiquitous availability of proton
donors, which may be wanted or not. However, under strictly aprotic conditions it is
also possible to add other electrophilic reagents such as alkyl halides, acyl halides, CO,,
and SO,.

2. Alkylation

The addition of alkyl halides to aromatic anion radicals, generated by alkali metal reduc-
tion in etheral solvents, was already known in the 1950s [176] and was reviewed by Garst
in 1971 [177]. The first electrochemical analogue was observed by Lund et al. [178]. These
authors cathodically reduced hydrocarbons such as naphthalene, anthracene, stilbene
[128,129], and perylene [130] in the presence of alkyl halides and isolated hydrogenated
and alkylated products. Similar reactions are observed when the halides are replaced by
ammonium or sulfonium [179].

These alkylations can be looked upon as aliphatic nucleophilic substitutions, usually
thought to proceed via Sy1. Sn2, or hybrids of these mechanisms. However, in recent
years more and more evidence for a single-electron transfer (SET) mechanism, represented
in Egs. (27)-(30), was obtained, and it was suggested that Sy2 and SET are just limiting
cases of the same single-electron transfer mechanism [180]. The SET pathway involves first
a transfer of an electron from the nucleophile to the electrophile followed by bond for-
mation, whereas Sy2 reaction involves a synchronous shift of a single electron and bond
formation [Egs. (31)—~(32)]. In addition, the generated anions may be protonated [Eq. (33)].

Because of these fundamental aspects, the mechanism of cathodically induced alky-
lations has been the subject of detailed studies [130,182]. In a stereochemical investigation
it was found that racemization is much more effective than inversion. This result was
interpreted as evidence of competition between the SET pathway and the Syy2 mechanism,
with SET being the more important route [182]. The SET mechanism is represented in Egs.

(27)-(33):

A+te =A7 (27)
A"+BX > A+B + X (28)
A"+ B — AB~ (29)
AT+B =A+B" (30)
A”+BX —» AB' + X~ (31)
AT +AB = A+ AB” (32)
B~.AB™ + H" — BH. ABH (33)

The rate-determining step [Eq. (28)] of the SET mechanism consists of an electron
transfer concerted with a cleavage of the carbon-halide bond in the alkyl halide, and



Cathodic Reactions of Hydrocarbons 311

resulting in the generation of an alkyl radical. Numerous investigations have focused on
the measurement of these rate constants [130]. As expected, the rate constant increases
when the redox potential of the aromatic compound becomes more negative. The coupling
step between alkyl radicals and aromatic anions is fast, with rate constants at the level of
diffusion control. This indicates the lack of significant activation barriers, which conse-
quently results in insensitivity to structural differences in the alkyl radical and in the
aromatic radical anion [181]. Moreover, radical anions with very different redox potentials
(AE% = 0.9 V) couple with primary radicals with approximately the same rate constant.
The competing Sn2 mechanism [Egs. (31)~(32)] may be favored if the reacting species are
not too sterically hindered, and the driving force for an electron-transfer reaction is low. In
general, the more positive the redox potential of the aromatic compound is or the poorer
the alkyl halide is an electron acceptor, the more important the Sy2 mechanism becomes
[183].

3. Acylation

Formally related reactions are observed, when anthracene [184] or arylolefines [185] are
reduced in the presence of carbonic acid derivatives such as anhydrides, esters, amides, or
nitriles. Under these conditions, mono- or diacylated compounds are obtained. It is inter-
esting to note that the yield of acylated products largely depends on the counterion of the
reduced hydrocarbon species. It is especially high when lithium is used, which is supposed
to prevent hydrocarbon species. It is especially high when lithium is used, which is sup-
posed to prevent hydrodimerization by ion pair formation. In contrast to alkylation,
acylation is assumed to prefer an Sy2 mechanism. However, it is not clear if the radical
anion or the dianion are the relative species. The addition of nitriles is usually followed by
hydrolysis of the resulting ketimines [185].

4. Addition of CO, and SO;

In the pioneering papers of Wawzonek et al. [15,186] it was demonstrated that CO, can be
added to cathodically reduced hydrocarbons to yield dihydrodicarbonylates. Examples of
this kind of reaction include naphthalene [186,187], anthracene [15], 9.10-diphenylanthra-
cene [15], phenanthrene [186], butadiene [187], stilbene [15], and diphenyl acetylene [187].
The mechanism is assumed to be analogous to that for protonation, with the essential
steps being nucleophilic addition by an anion radical and subsequently by an anion [188].
1,4-Addition to naphthalene suggests that carboxylation is kinetically controlled; forma-
tion of dihydromonocarboxylates indicates competition with protonation. Mechanisms
involving CO, have to be considered for those hydrocarbons that are reduced at more
negative potentials than CO,~ [189], and for the electroinactive norbornadiene, which
gives 3-nortricyclenecarboxylic acid [190]. Chemically formed CO,™ is known to undergo
typical radical addition reactions [191]. Like CO,, SO5 adds to reduced anthracene to give
9.10-dihydroanthracenebissulfonate [192].

C. Dimerization and Polymerization

Cathodically reduced hydrocarbons undergo not only homogeneous ET and nucleophilic
attack but also coupling reactions resulting in hydrodimerization and polymerization.
Reduction of stilbene [15] or diphenylacetylene [186] in DMF yields 1,2,3,4-tetra-
phenylbutane, whereas phenanthrene [186] provides 9,9'10,10’-tetrahydro-9.9"-biphenan-
threne. Hydrodimerization was also observed with benzalfluorene [193]. If DMF is
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replaced by acetonitrile, protonation completely dominated hydrodimerization [15]. In
carefully dried ethers, using alkali or alkaline earth metals salts as supporting electrolyte,
1.1-diphenylethylene can be reduced cathodically to give stable solutions of 1,1.4.4-tetra-
phenylbutane dianions [194]. These dianions can be cleaved by flash photolysis in the
presence of excess 1,1-diphenylethylene to give transient anion radicals of 1,1-dipheny-
lethylene. Kinetic analysis of the subsequent recombination confirmed the postulated
radical-radical mechanism; the rate constant was found to be 0.5 x 10° M~! s™! [195].
9-Cyanoanthracene undergoes a reversible electrodimerization with almost no side reac-
tions, making a perfect model compound [196-200]. Again, it turned out that the dimer-
ization follows a radical-radical mechanism. It is also interesting to note that water
accelerates the dimerization. This effect was rationalized by specific solvation [200]. A
careful study of the dimerization kinetics of 9-cyanoanthracene in different solvents and
at low temperatures gives evidence that the coupling reaction is diffusion controlled and
that its rate constant increases with increasing polarity of the solvent as predicted by the
Debye-Smoluchovsky theory [201]. It should be noted that several authors have suggested
a more complex reaction pattern, which at least involves a two-step mechanism [202]. A
final decision on the validity of these different reaction paths will be a task of future
research.

Many alkenes, activated by electron-withdrawing groups, readily undergo hydrodi-
merizations. The best known example is the electrodimerization of acrylonitrile, the base
of the commercial Monsanto process [203]. This type of reaction was the subject of
particularly active mechanistic investigations and is treated in detail in Chapter 31.
Evidence is presented there that the essential step is a coupling of two radical anions
(radical-radical route). In a very recent study, A. J. Bard has shown, using the SECM
technique, that only the radical anions of acrylontrile dimerize (radical-radical route)
[204]. Sterically less demanding arylalkenes and dienes undergo not only dimerization
but also polymerization. Styrene is polymerized in ethers by alkali metal reduction [205]
or addition of cumyl potassium [206]. The mechanism of ET-induced polymerization was
extensively studied by Szwarc and his school [207]. It turned out that the first step is
dimerization of the styrene anion radical, usually obtained by addition of sodium
naphthalene. Under aprotic conditions, the resulting dianion adds to monomers, forming
polymeric “living anions.” It is interesting to note that the rate of the polymerization
largely depends on the counterion.

With conventional techniques and electrolytes, it was not possible to obtain living
anions because they are rapidly protonated by tetraalkylammonium salts and residual
water. The first report of the production of living polymers by an electrolytic method
has to be attributed to Yamazaki et al. [208], who used tetrahydrofuran as solvent, and
LiAlH,; or NaAl(C>Hs), as electrolyte for the polymerization of a-methylstyrene. A simi-
lar technique was used to polymerize styrene as well as derivatives [209-213]. The sug-
gested mechanism agrees with the pathway described earlier.

D. Intramolecular Reactions

For many years, intramolecular reactions such as conformational changes, bond cleavage.
bond formation, and valence isomerizations have been observed only when hydrocarbons
were reduced with alkali metals in etheral solvents. In most electrochemical experiments
these reactions were dominated by the electrophilic processes already described here.
However, progress in experimental techniques [8,26,30] has made these reactions accessible
to electroanalytical investigations, providing new mechanistic insight.
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1. Conformational Changes

In recent years it has become more and more obvious that ET is frequently accompanied
by conformational changes. The interconversion may preceed or follow ET; the majority
of these processes have to be classified as CE (as yet this mechanism has not been observed
in the hydrocarbon series), EC, EEC, or ECE mechanisms, whereas only a few systems
follow an EE pathway. An example for an EC process is the interconversion of the anion
radical of cis-stilbene, which is quite slow on the voltammetric time scale [103,104],
whereas cis-azobenzene anion radicals isomerize very rapidly [214]. Tetraphenylethylene
undergoes two closely separated reversible additions of one electron [112,215]. The small
difference of standard potentials, equivalent to a high disproportionation constant [see Eq.
(5)]. has been interpreted as interconversion from an almost planar to an orthogonal
conformation when going from the neutral molecule to the dianion [216]. The thermo-
dynamics and kinetics of ET-induced interconversions of substituted tetraphenylethylenes
have been studied in great detail [125]. Reduction of 1,6-dimethylbicyclo[4.4.1]Jundeca-
2.4,7.9-tetraene appears to proceed via an ECE scheme in which the initial reduction
gives an unstable radical anion, which undergoes a structural change, giving another
anion with a conjugatively stabilized n-system [73]. Conformational changes concurrent
with ET (EE pathway) are observed upon reduction of I, as cited earlier. This emerging
field was reviewed by Evans and O’Connell [125].

2. Bond-Breaking and Bond-Making Reactions

Reductive cleavage of carbon—carbon bonds was already observed in the 1920s by Ziegler
and Thielemann upon alkali metal reduction of diarylalkanes in etheral solvents [217]. As
was shown by Lagendijk and Szwarc [218] for 1,2-di(a-naphthyl)ethane, the primary anion
radical undergoes homogeneous disproportionation which is supported by ion pairing.
The resulting dianion decomposes by the fission of the CH,—~CH, bonds into the salts of a-
naphthylmethyl carbanions. Similarly, 9.9’-bianthryl can be cathodically cleaved into
anthracene and 9.9'-dihydroanthracene plus small amounts of reduced dimers. The dia-
nion mechanism is quite slow, whereas the tri- and tetraanions are supposed to decay
rapidly [219].

ESR spectroscopical investigations of the anion radical of fluorene indicated a first-
order decay, and it was concluded that the CH bond undergoes homolytic cleavage [220].
Voltammetric studies of fluorene in DMF reached the same conclusion [171,172].

The thermal and photochemial ring opening reactions of cyclobutene are the classi-
cal examples of pericyclic processes [221]. In 1976, Bauld et al. described an ET-induced
analog [222]. They observed that benzo- and phenanthrocyclobutene undergoes ring open-
ing upon alkali metal reduction and suggested an ECE pathway. A voltammetric study of
cis- and trans-tetrahydro-1,2-diphenylcyclobutanephenanthrene in THF-NaBPh, con-
firmed this mechanism. However, it turned out that the rate of the ring opening largely
depends on the counterion. If ion pairing is prevented by addition of 15-crown-5, the
reaction rate slows dramatically. At —50°C the anion radical of the Z isomer becomes
stable on the voltammetric time scale, whereas the dianion exhibits a fast ring opening
[223].

Two-electron reduction [58a] or oxidation [224] of 1.3-dimethylidenecyclobutanes
yields bicyclo[1.1.0]butanes. Cyclic voltammetry of 2,4-di-9H-fluoren-i-yliden-1,1,3,3-tet-
ramethylcyclobutane in DMF at low temperatures demonstrated that bond formation
proceeds via an EEC mechanism; the rate constant was found to be 20 s~ [58a].
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ET-induced cycloadditions of polycyclic olefins and cycloreversions of cyclobutane
species have been studied by ESR spectroscopy [225]. Upon chemical and electrochemical
reduction, 2,2'-distyrylbiphenyl rearranges by intramolecular coupling into a ‘‘bis-
benzylic” dihydrophenanthrene dianion, which can be either protonated to a 9.10'-diben-
zyl-9,10-dihydrophenanthrene or oxidatively coupled to a cyclobutane species. It is
interesting to note that the intramolecular bond formation takes place at the di- and
triionic level, which is comparable with a radical-radical coupling (RR route, EEC
mechanism) [223a]. The experiments are evidence that RS coupling is generally improb-
able for ionic dimerization reactions. At low temperatures, the coupling rate between the
negatively charged stryryl units slows down and the tetraanion of the starting species can
be obtained. Again, it turns out that ion-pairing effects favor the formation of the bis-
benzyclic intermediate. Thus, the first-order intramolecular coupling step between the
negatively charged styryl units is significantly faster in THF/NaBPh, than in the presence
of additional 15-crown-5 or in DMA/TBABr [223a] (Scheme 1, Fig. 3).

1-Arylindenes undergo sigmatropic 1,5-shifts, induced oxidatively [226], thermally
[227], photochemically [228], and reductively [229]. The reductive rearrangement of 1,1.3-
triphenylindene, yielding the dianion of 1,2,3-triphenyl-2 H-indene, has been the subject of

a) IO.2 UA

]:1HA
! 4 OO
e

c) 11 PA

I 1 T T T T i T ¥ T 1

3,5 3,0 2,5 2,0 15 -1,0
E [V] vs.Ag/AgCI

Figure 3. Reduction of 1,2-tetrahydro-1,2-diphenylcyclobuta[l]phenanthrene (a) and 2,2’-distyr-
ylbiphenyl (b.c) (see Ref. 222a). (a). (b) In DMA/TBABr, v = 100 mV s”!, T = 213 K. (¢c) In THF/
NaBPh,, v = 200 mV s~), T = 223 K.



316 Heinze

a voltammetric investigations in “‘superdry” THF-NaBPh, [136] and in DMF-TBAP
[230]. The reaction follows an EEC or EDispC pathway.

At room temperature in the presence of Na™ cations, the rearranging dianion is
formed via homogeneous disporportionation, thermodynamically favored by ion pairing
and kinetically supported by the fast follow-up reaction. When ion pairing is suppressed
by application of low temperatures or the addition of sodium complexing 15-crown-5, the
anion radical becomes persistent and the reactive dianion species has to be generated via
heterogeneous ET at much more negative potentials. The same results are obtained when
the bulky tetrabutylammonium ion is used as counterion [230]. Replacing 1,1,3-tripheny-
lindene with 1-methyl-1-phenylindene or 1,2-dihydro-1,1"-spiribiindene, the anion radical
undergoes a quite unusual cleavage of the alkyl-aryl bond, whereas the dianion rearranges
in the same manner as triphenylindene [231].
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I. INTRODUCTION

Fourteen years ago, when buckminsterfullerene, Cq, was discovered [1], it was impossible
to predict the impact that this discovery would have in so many research laboratories
around the world. Researchers in fields ranging from organic chemistry to cryogenic
physics have been attracted to the incredibly symmetric molecule for different reasons.
We believe that one particular property of Cg, has been of particular interest to all the
different fields: the ability of Cg, to easily accept electrons. This property was theoretically
predicted [2] soon after its soccer-ball structure was proposed but before it was confirmed
by x-ray crystallography [3]. At that time, because of the possible implications in the field
of chemistry, an active search for a method to produce the compound in reasonable
quantities began, and shortly after, success was achieved [4]. The race began for those
interested in confirming the theoretical predictions, as well as for those with the incredible
insight to see the immense possibilities presented by an electrophilic molecule that not only
could be easily derivatized in three dimensions but that, belonging to the family of carbon
allotropes and being fully conjugated. offered the possibility of being a great conductor or
perhaps even a superconductor [5].
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In this chapter we concentrate exclusively on the most important aspects of the
electrochemistry of Cgy and the other pristine higher fullerenes, namely, C;q. Cy4, Cos,
Cs,. and Cgy. A vast number of derivatives of Cqy and a few of C,y, C76, and C;g have been
prepared, and their redox properties have been studied using electrochemical techniques.
However, due to space limitations, it is impossible to cover this subject here and to give it
the justice that it deserves. Since several comprehensive reviews on fullerenes and their
derivatives have appeared recently, the reader is referred to these for details [6].
Nevertheless, it has been recently discovered that controlled potential electrolysis can be
used as a synthetic tool for the preparation of new fullerene derivatives, as well as for the
separation of otherwise inseparable fullerene isomers. Thus, a short section covering
electrosynthesis of fullerene derivatives is included at the end of this chapter.

ll. REDUCTION AND OXIDATION OF Cg,

The cathodic electrochemistry of Cg, has been studied by cyclic voltammetry (CV), differ-
ential pulse voltammetry (DPV), and Osteryoung square-wave voltammetry (OSWYV).
Using any of the three techniques, the reduction of this fullerene is characterized by the
appearance of up to six reversible waves [7-10], a fact that confirms the theoretical pre-
diction of an energetically low-lying triply-degenerate LUMO (lowest unoccupied mole-
cular oribtal) [2]. The number of waves observed as well as the reduction potentials are
dependent on the solvent, supporting electrolyte, and temperature chosen [11]. Figure 1
shows the CV and DPV of C4 obtained under vacuum at —10°C in the mixed solvent
system toluene/acetonitrile (5/1) using tetra-n-butylammonium hexafluorophosphate
(TBAPF) as supporting electrolyte. The resulting reduction potentials obtained under
these conditions are presented in Table 1. Notice that, as predicted by the triply degenerate
LUMO, the potential separation between any two successive waves is relatively constant,

L] ISuA
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Figure 1. Reduction of Cg in acetonitrile/toluene using (a) cyclic voltammetry at 100 mV/s scan
rate and (b) differential pulse voltammetry (50 mV pulse, 50 ms pulse width, 300 ms period. 25 mV/s
scan rate). From Ref. 7.
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Table 1 Half-Wave Reduction Potentials (in V vs. Fc/Fc™) of Cq, Using Various Solvents,
Supporting Electrolytes, and Temperatures

Supporting Temp. E, E, E; E, Es E¢ Reference
Solvent Electrolyte ()
Ph/Me/MeCN?* TBAPF, —-10 -098 -1.37 —1.87 -2.35 -2.85 -—-3.26 7
PhMe/DMF TBAPF —60 —0.82 —126 —1.82 —2.33 —2.89 —3.34° 8
Liquid NH;* KI =70 -1.04 —-1.56 —-2.00 -237 -—-2.43 -3.03 9
Benzene THACIO, +45 —-0.83 ~1.29 -1.89 —-246 -3.07 10e
MeCN® TBACIO, +22 —1.24 —173 219 -2.78 11
Pyridine TBACIO, +22 —-0.86 —1.38 —1.80 —2.33 11
DMF TBACIO, +22  —0.77 —1.23 —1.82 -236 11
PhCN TBACIO, +22 092 —-134 -1.82 10e
THF TBABF, —-60 —0.96 —1.53 —-2.11 -2.60 -3.13 -3.59 12
TBABF, +25 —-093 —-1.52 -2.08 -2.57 -3.08 12
TBACIO, +22 —090 —149 -—-206 -2.56 11
DCM TBAPF, +22 —1.02 —-141 -1.87 11
TBACIO, +22 —1.00 —1.39 —1.84° 11
TBABF, +25 —1.01 —140 10a
TCE TBAPF +25 —1.06 17

Note: DCM = dichloromethane; DMA - dimethylamine; DMF = dimethylformamide; MeCN = acetonitrile;
ODCB = o¢-dichlorobenezene; PhACN = benzonitrile; PhMe = toluene; TBA = tetra-n-butylammonium: TCE
= 1,1.2,2-tetrachloroethane; THA = tetra-n-hexylammonium; THF = tetrahydrofuran. From Ref, 6e.
*Glassy carbon electrode. All others use Pt.

®Anodic peak potential

‘Due to the presence of surface waves upon reoxidation, anodic peak potentials are reported.

4 Controlled potential electrolysis used to generate Cg, due to insolubility of Cy, in MeCN.

“Scan rate >5 V/s.

with a value of 450 &£ 50 mV [7]. Redox potentials obtained under other solvent, support-
ing electrolyte, and temperature conditions are also presented in Table 1.

Two very important points about the cathodic behavior of Cyy need to be mentioned.
First, Cg anions appear to be stable on the voltammetric time scale, but when electro-
generated by controlled potential coulometry in solution, only the mono- through tetra-
anions are stable [6b,6€]. Second, although neutral C¢y may be insoluble in solvents such as
dimethylformamide (DMF), acetonitrile, or tetrahydrofuran (THF), its anions dissolve
readily. Therefore, these anions can be generated from a suspension of Cg, [12].

Calculations of the HOMO (highest occupied molecular orbital) energy for Cgq
indicated that it was energetically low-lying and fivefold degenerate [2]. Furthermore,
the ionization potential (IP) was calculated to have a high value, ~ 7.8 eV [13]. In later
measurements in the gas phase a value of 7.6 eV was obtained [14]. Together, these two
results suggested that the oxidation of Cg would be difficult. Indeed, initial studies on the
anodic electrochemistry of Cg, using various solvents and supporting electrolytes showed
not only chemically irreversible behavior [10e,11,15,16] (see Table 2), but in some cases up
to four electrons seemed to be transferred during the oxidation process [10e,16]. The first
and only quasireversible (AE,, = 80 mV) oxidation of Cg was observed by CV and
OSWV in 1993 (see Fig. 2). This one-electron oxidation wave at E;,, = +1.26 V versus
Fc/Fc™ was obtained using 1,1,2,2-tetrachloroethane (TCE) under vacuum at room tem-
perature [17]. At room temperature, the potential difference between the first oxidation
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Table 2 Half-Wave Oxidation Potentials (in V vs/ Fc/Fct) of Cg, Using Various Solvents,
Supporting Electrolytes, and Temperatures

Solvent Supporting Temp (°C) E™ s Reference
electrolyte
Ceo MeCN? TBABF, RT? +1.60° 15
PhCN TBAPF; RT +1.30° 10e
DCE TBACIO, 2 +1.28° i1
DCM TBACIO, 22 +1.32° 11
TCE TBAPF; RT +1.26 17
Cgo + Cro DCM TBAPF, RT? +1.65¢  +1.75%° 16

Note: See Table 1 for solvent abbreviations. From Ref. 6e.

4Film of Cgy in MeCN.

®Chemically irreversible

It was not reported which of these potentials corresponds to Cg, and which one to Cy.
4 Adsorption observed.
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Figure 2. CV and OSWYV scans showing oxidation and first reduction waves for Cg, in TCE at
room temperature. CVs were run at a scan rate of 100 mV/s. OSWVs were run at 60 mV/s. (a) CV of

background solvent—electrolyte system. (b) CV of Cg,, no ferrocene added. (c) Same as (b) after
addition of ferrocene. (d) OSWYV of the solution in (c). From Ref. 17.
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and the first reduction of Cg which is a good measure of the HOMO-LUMO energy gap
in solution, is 2.32 V.

Altogether, C¢, displays a very rich electrochemistry, with eight oxidation states in
solution, comprising six negative states, one neutral state, and one positive state.

lli. REDUCTION AND OXIDATION OF C5,

Electrochemically, C;, behaves very similarly to Cg. Six reduction waves are observed in
toluene/acetonitrile, but unlike Cg, all six waves can be detected at room temperature (see
Fig. 3) [7]. Reduction potentials for C, obtained under various conditions of solvent and
temperature are presented in Table 3. In comparing the corresponding values shown in
Tables 1 and 3 for the first and second reduction potentials of Cgy and Cy in acetonitrile/
toluene, one observes that they are nearly identical. However, from the trianion up to and
including the hexanion, C;; becomes increasingly easier to reduce than Cg. A charge
separation delocalization model has been evoked to explain this phenomenon [10c]. A
noteworthy observation is the fact that the reduction potentials of C, also appear to be
solvent and/or temperature dependent, although no specific studies on the subject have
been published.

Another similarity between Cgy and Cyq is their anodic electrochemical behavior. Of
the solvents used thus far, the only one in which C,, undergoes a quasireversible oxidation
process is in TCE [17]. Within the potential window of this solvent, two oxidation waves
are observed by OSWYV at +1.20 and + 1.75 mV (see Fig. 4). The former is 60 mV more
negative than the corresponding first oxidation potential of Cgy. Thus Cy, is easier to
oxidize than Cgj, a not surprising fact taking into account the lower ionization potential
of Cyq in the gas phase (7.3 eV) [13]. The second oxidation, which occurs at the limit of the

(a)

[+

[T BV ST UT T I ST U G AU U S U B Y
(b) -1.0 -2.0 -3.0
Potential (Volts vs Pc/Pc*)

Figure 3. Reduction of Cy, in acetonitrile/toluene using (a) cyclic voltammetry at 100 mV/s scan
rate and (b) differential pulse voltammetry (50 mV pulse, 50 ms pulse width, 300 ms period, 25 mV/s
scan rate). From Ref. 7.



328 Echegoyen and Echegoyen

Table 3 Half-Wave Reduction Potentials (in V vs. Fc/Fct) of C;y Using Various Solvents,
Supporting Electrolytes, and Temperatures

Solvent Supporting Temp. E, E, E. E, Es E; Reference
electrolyte (&)
Ph/Me/MeCN* TBAPF; -10 =097 —-134 -1.78 —-221 =270 -3.70 7
DMA®¢ TBABr —65 —045 —0.90 -—-1.34 -—-1.77 -233 -—-2.80 16
ODCB* ? +25 —099 —144 —1.90 10b
THF ? +25 —0.84 —-141 —195 10b
PhCN ? +25 —091 -1.32 10b
Ph/Me/DCM  TBAPF, RT? —-091 —-1.28 —1.70 10c, 21
DCM ? +25 —-097 -135 —-1.76 10b
TBAPF, +25 —093 -1.31 -1.73 -2.09 22
TCE TBAPF +25 1.02 17

Note: See Table 1 for solvent abbreviations. From Ref. 6e.
*Glassy carbon electrode. All others use Pt.

®Cathodic peak potential.

¢ Vs Ag/AgCl.

dScan rate = 25 mV/s.

solvent potential window, appears to be irreversible (see Table 4). The value of the
HOMO-LUMO energy gap in solution for Cyq is then 2.22 V at room temperature.

IV. REDOX PROPERTIES OF THE HIGHER FULLERENES

The higher fullerenes, Cs¢, Cqg, Cgo. and Cg,, were expected to be more readily reduced
and oxidized than Cg, and C4, based on their estimated higher electron affinities and lower
ionization potentials [13]. The experimental confirmation of these predictions, however,
took longer than for Cg¢, and C;, because the amount of higher fullerenes present in
fullerene soot is very small, thus complicating the isolation and purification process
[18,19]. It was not until these materials were obtained in microgram amounts that electro-
chemical studies were initiated. In addition, each of these fullerenes exists as two or more
structural isomers with different symmetries in some cases [18]. If left as a mixture after
their isolation from the soot, the presence of two or more isomers may result in the
observation of multiple redox waves, a problem that in some cases has translated into
uncertain assignments [20]. The half-wave reduction and oxidation potentials for these
fullerenes obtained under different experimental conditions are presented in Tables 4 and
5, respectively. It is important to note that the loss of triply or nearly triply degenerate
LUMO:s, found in Cq and Cy [13], leads to potential separations between any two
successive reductions that are not constant (see Table 4).

A. Electrochemistry of C,

The electrochemical behavior of C, has been easier to study than that of the other
members of the higher fullerenes because it exists as a pair of chiral enantiomers with
D, symmetry, and these are isolated as a 1:1 racemic mixture [23]. As shown in Table 4, up
to six cathodic waves have been observed in a toluene/acetonitrile mixture at —15°C,
although the sixth reduction is irreversible [24]. In dichloromethane (DCM) and benzoni-
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Figure 4. CV and OSWYV scans showing oxidation and first reduction waves for Cy, in TCE at
room temperature. CVs were run at a scan rate of 100 mV/s. OSWVs were run at 60 mV/s. (a) CV of
C. no ferrocene added. (b) Same as (a) after addition of ferrocene. (c) OSWYV of the solution in (b).
(d) OSWYV of the solution in (a) without ferrocene added, scanned to more negative potential to
show the second oxidation wave. From Ref. 17.

trile, four reversible waves have been observed [25], and in trichloroethane (TCE) only
two. Confirming the higher estimated electron affinity of Cs6 [13], the monoanion of Cy4 in
these solvents appears at a potential 100-200 mV more positive than Ceo' ™. Cy 1s also
easier to oxidize than Cg, by 450 mV, with the first of two oxidations in TCE appearing at
+0.81 V (see Table 5 and Fig. 5a) [26,27]. A single reversible oxidation is also observed in
DCM, but various other solvents have been reported to produce chemically irreversible
anodic behavior [24,25].

B. Electrochemistry of C,g

A 5:1 ratio mixture of the two most abundant constitutional isomers of Crg, C,,-Crg,
and D;-C.g, have been separated from the other fullerenes. Selegue and coworkers
reported the first study on the redox properties of the C,, isomer in a toluene/acetoni-
trile mixture at —15°C. Five reversible and one irreversible reduction waves were




Table 4 Half-Wave Reduction Potentials (in V vs. Fc/Fc*) of the Less Abundant Higher Fullerenes Crq, Csg, Cga, and Cgy Using Various

Solvents, Supporting Electrolytes, and Temperatures

Solvent Supporting Temp. E, E, E; E, Es E¢ Reference
electrolyte 0
(o DCM TBABF, RT -0.79  —-112  —1.57 25
TBAPF; RT —083 —1.15 —l64 =201 22
PhCN TBABF, RT -0.76* —1.19* —1.72*  —2.06" 25
PPN*CI™ RT? —0.78 —1.16 27
PhMe/MeCN TBAPF; —15 —083 —1.17°  —1.68> —2.10° —261° —3.04>¢ 24
TCE TBAPF; RT —083  —1.12 26
PPN*CI~ RT? —0.91 27
Cis PhCN PPN*CI™ RT? —0.64  —1.06 27
TCE TBAPF; RT -0.77  —1.08 26
PPN*CI™ RT? -0.79  -1.13 2
Cyy-Crg DCM TBAPF, RT -070 —1.04 —172 =207 22
PhMe/MeCN TBAPF; —15 —0.72>  —1.08 —1.79* —218> 245> 273" 24
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D;-Crg DCM TBAPF, RT —0.64 —094 —-170 —2.05 22
Cs: Pyridine TBAP RT? -047 —080 142 —184 33a
CSy ODCB TBAPF, RT? —~1.00¢  —1.29°  —1.60° —196¢ —2.219f 36
PhCN¢ TEAPF, RT? ~0.63  —095 —128 158 —187 24.36
PhMe/MeCN TBAPF, +22 -067 —1.00 —1.34 172 —199  —2.40° 20
TCE TBAPF; RT —0.67 —096  —1.27 26
D,-Csy Pyridine® TBAP +22 —~0.52 —0.84 -120 —163" 207" 20
Pyridine TBAP RT? -046  —0.77 —158 —198  —227° 37
D,-Cg, Pyridine® TBAP +22 —0.61 —097 —130 —1.52" —1.94" 20
Pyridine TBAP RT? —0.65 —0.98 —1.34 —1.75 37

Note. See Table 1 for solvent abbreviations. From Ref. 6e.

*Scan rate = 1 V/s.

®Scan rate = 2 V/s.

“May be irreversible.

dReported value 1s 40 mV due to adsorption and uncompensated resistance complications.

“Mixture of two major isomers, D,- and D-y-Cy,

fNature of this process is unknown because it was observed at the limit of the solvent potential window.

ETentative assignment to the 6th reduction of Cg,.

*The fourth and fifth reduction potentials are not assigned with certainty because of variation in the heights of the corresponding peaks (see Ref. 20).
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Table 5 Half-Wave Oxidation Potentials (in V vs. Fc/Fct) of the Higher Fullerenes, Cs, Crg,
and Cy,, Using Various Solvents and Temperatures

Supporting  Temp.

Solvent electrolyte “C) E{* E$*  <E{ — EfY Reference
Cos DCM TBAPF RT +0.84 1.67 22
TCE TBAPF RT +0.81 +1.30° 1.64 26
C,,-C;s  PhMe/MeCN  TBAPF, ~15 +0.90" 1.62° 24
TCE TBAPF RT +0.95 +1.43 1.72 26
D:-Cx ~ DCM TBAPF, RT +0.74 138 2
TCE TBAPF, RT +0.70 +1.17 1.47 26
Cya TCE TBAPF, RT +0.93  1.60 26

Note. See Table 1 for solvent abbreviations. From Ref. 6.
*Chemically irreversible.
PCalculated from data of Ref. 25.

observed by CV in addition to one irreversible oxidation step [24]. A second study
performed with a mixture of the two isomers in TCE using OSWV [26] confirmed
what has been predicted by theory [28]: comparable LUMO and different HOMO
energies. Indeed, cathodic scans revealed only two omne-electron reductions to form
C,;~ and C,g°” within the solvent potential window, indicating that in this solvent,
the reductions of the two isomers essentially overlap. On the other hand, four oxidation
waves were observed, consisting of two pairs of consecutive small and large waves with a
current intensity ratio of 1:5. Thus, based on the current intensities, the waves were
assigned to the D; and C,, isomers, respectively (see Fig. 5b). Most recently, pure
samples of the two isomers were obtained by the retro-Bingel reaction (C-,) [29] and
by high-performance liquid chromatography (HPLC) (D;) [30]. CV studies of these
samples at room temperature demonstrated that in dichloromethane the first and second
reduction potentials of the two isomers are similar but not identical (see Table 4), with
the D; isomer being the easiest to reduce by 60 and 100 mV, respectively [22]. The third
and fourth reductions are essentially identical. In this solvent, however, only one rever-
sible one-electron oxidation was observed for the Dy isomer. Neither the two oxidations
of the C,, isomer nor the second oxidation of the D; isomer that had been observed in
TCE could be observed in dichloromethane due to limitations in the solvent potential
window. TCE seems to be a remarkable solvent for the observation of the anodic
electrochemical behavior of fullerenes.

C. Electrochemistry of Cg,

In general. electrochemical studies of Cg; have been devoted to the study of its endohe-
dral metallo complexes, in which metal atoms are trapped inside the fullerene cage. Part
of the fascination with these molecules stems from two aspects of their electronic struc-
tures: (1) Unlike noble gas endofullerenes, metallofullerenes are formed from a stable
ion-pair association between a fulleride anion of charge n~ and a cation of charge n*,
which cannot escape from the anionic cage nor react with other substances outside the
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Figure 5. OSWYV in TCE for (a) C, (b) Csg, and (c) Cg4 recorded at 60 mV/s. From Ref. 26.

cage [31]. (2) The trapped atom(s) may not necessarily sit at the center of the cage, in
which case the symmetry of the cage may be altered [31]. Exploring the chemistry of
these molecular rattles has been slowed down because their production is plagued by
purification difficulties, low yield, and air sensitivity. Although other fullerenes have
been detected acting as endohedral hosts, Cg, encapsulating group III-B clements as
well as members of the lanthanide series appears to be the most stable toward separation
techniques [32].

Recently, Suzuki et al. reported a compilation of their four-year research in the
electrochemistry of La@Cs,, Ce@Csgy., Gd@Csg,., and Y@Cs, [33]. Several conclusions
were reached concerning these four metallofullerene complexes: (1) Unlike those of empty
Cqo and Co, the reduction waves of these fullerolanthanides are not equally spaced, and
they not always correspond to a one electron process (see Fig. 6); (2) the first reduction
occurs ~ 300 mV more positive than the empty Cg, cage (see Table 6), indicating a better
electron accepting ability; (3) of the two oxidation processes observed in all cases, the first
one is reversible and slightly more positive than that of ferrocene, indicating that full-
erolanthanides are also good electron donors; and (4) the separation between the first
oxidation and the first reduction (HOMO-LUMO gap) is small (0.47-0.49 V), reflecting
the possibility of an open shell electronic structure. The formal charges for these com-
plexes are believed to be, in general Mt @Cgy*~.
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Figure 6. Cyclic voltammograms of (a) La—Cg.. (b) Y—Csa, (¢) Ce—Cs», and (d) Gd—Cg; scanned at
20 mV/s in ODCB containing 0.1 M TBAPF,. From Ref. 33.

A trimetallofullerene, Sc;(@Cg, has also been recently reported [34]. Its electrochem-
istry indicates that its MOs are very similar in energy to those of the monometallofuller-
enes in terms of energy. However, considering that more electrons are transferred to the
cage by the trimer, occupancy of the energy levels is different. Therefore, its second
oxidation and first reduction occur at potentials close to where the first oxidation and
second reduction occur for monometallofullerenes. These considerations along with the
fact that the neutral state is EPR silent have led the authors to suggest that Sc34+@C834_
represents the formal charges of the complex [34].

Table 6 Half-Wave Reduction and Oxidation Potentials (in V vs. Fc/Fc™) of Cy, and Some of
Its Endohedral Complexes Obtained by CV

Compound Ef" EY Erd Exd E* E$ ES* E¢*  Reference
Ce +0.72 -0.69 —1.04 —158 —1.94 33
La—Csgo +1.07%° +0.07 —042 -—1.37 —153 -226 —2.46" 33
Ce—Cyo +1.08'% +0.08 -041 -—141 -153 =179 =225 -250" 33
Gd-Cg» +1.08"" +0.09 —039 —1.38° 22080 33
Y-Cy2 +1.07** +0.10 —0.37 —1.34° —222  —247° 33
Sci-Cg%® —0.04  —032 -142 -1.67 34

Note. Conditions: 0.1 M TBAPF; in ODCB; working electrode, Pt disk. From Ref. 33.
*Irreversible.

®Values obtained by DPV (see Ref. 33).

“Two-electron process.

YValues obtained by OSWV.

°Conditions: 0.1 M TBACIOQ; in pyridine, glassy carbon working electrode.
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D. Electrochemistry of Cg,

Only the D, and D,y isomers of Cgy have been isolated as a 2:1 mixture (D,:Dy) from
fullerene soot. None of the other 22 possible isomers [35] have been isolated, although the
detection of a third isomer has been recently suggested [35d]. With one exception, all
electrochemical studies done on Cg, so far have involved the 2:1 mixture of D, and Dy
isomers, and as in the case for the other fullerenes, results have been solvent dependent
(see Table 4) [20,24,26,36]. In all solvents studied with the exception of pyridine, there
appears to be no difference in the reduction potential of the two isomers; i.e., no single
reduction exhibits a two-component wave with the 2:1 current intensity ratio expected for
the two separate isomers [24,25,36]. In pyridine, however, 10 redox waves are observed, of
which the first six have been assigned to the first, second, and third reductions of each
isomer with the aid of ESR spectroscopy (see also Table 4) [20]. The only known oxidation
of Cg, has been observed in TCE. The process occurs at +0.93 V versus Fc/Vc' (see Fig.
5¢) [26].

Recently, the two isomers were separated by HPLC and their electrochemistry stu-
died using OSWV. The current intensity ratio of the two corresponding voltammograms
was used for the identification of the two isomers [37]. Two important differences between
the two isomers emerged as a result of this study: (1) The assumed D,4 isomer is easier to
reduce than the D, isomer by ~ 190 mV and (2) while the D, isomer exhibits a constant
potential separation of ~ 350 mV between the four one-electron reduction waves
observed, this is not the case for the D,y isomer. The four waves observed for the latter
are grouped in two sets of two equally spaced waves. The potential separation between the
second and third waves is ~ 710 mV (see Table 4).

V. CONTROLLED POTENTIAL ELECTROLYSIS AS A SYNTHETIC TOOL: THE
“SHUFFLE” AND THE RETRO-BINGEL REACTION

Coulometrically generated mono- to tetraanions of Cgy are relatively stable species. This
property has been used in the preparation of several derivatives of Cg, [38—41] by mixing
the dianion with the appropriate electrophile. In fact, it has already been established that
formation of dialkyl derivatives of Cgy occurs via an electron transfer mechanism followed
by an Sy2 reaction [42].

Very recently, however, it was discovered that controlled potential electrolysis (CPE)
of certain bis-methanofullerenes of the type shown in Fig. 7 resulted in a migration or
“shuffling” of the adducts on the surface of the sphere to form other bis-adduct isomers
[43]. For the cis-2 isomer, shuffling occurs after one-clectron equivalent is added at the first
reduction potential. For all other bis-adducts of Cgy shown in Fig. 7 the process requires
two electron-equivalents at the second reduction potential. This procedure is followed by
reoxidation to the neutral species, chromatography to remove the electrolyte, and HPLC
analysis. Interestingly, the product distribution is essentially the same in all cases, regard-
less of which isomer has undergone electrolysis (see Table 7). Four important observations
have been made regarding these results. First, both the e and frans isomers are formed
preferentially, a fact predicted by theoretical calculations [44] and attributed to the higher
stability of these versus the cis isomers. Second, the frans-1 isomer, which is produced in a
very small yield (0.8-2.0%) using other synthetic methods [45], is produced in ~ 10% yield
using the coulometric method. If this yield is corrected for the statistical factor of four
(there are four possible sites on Cyq for the 7rans-2 isomer but only one site for the frans-1),
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Figure 7. Representation of the C¢, bismalonate adducts that were subjected to CPE at the second
reduction potential. From Ref. 43.

it becomes 40% which is almost the same yield observed for the frans-2 isomer. Third,
although a detailed mechanistic study has not been carried out yet, it is known, from
crossover experiments using different addends that the shuffling process is intramolecular
and not intermolecular. Fourth, CPE with two-electron equivalents also results in the
removal of one or both addends, producing the mono-methanofullerene adduct as well
as pure Cgqy. Cg is produced in very small amounts, while the mono adduct appears in 10—
30% yield. This process of removing one or two of the addends is now known as the retro-
Bingel reaction [46] because it is the reversal of the Bingel reaction [45b].

In order to understand the retro-Bingel reaction, it is important to note that after the
two electrons have been added during the “shuffling” process of the bis adducts, a sub-
stantial amount of current remains. If, instead of reoxidizing back to the neutral state,
electrolysis is allowed to proceed until the current reaches background levels, the total
electron count is six electrons per molecule for the bis adducts. The e and #trans-3 bis
adducts have been converted in 75% yield into pure Cg,. A mono-bis-malonate adduct
also undergoes retro-Bingel at the second reduction potential, and it is also converted to
Cgo in 82% yield. The reaction appears to be very general for malonate adducts of Cg,
Cqg, Cs6, Cyg, and Cgy. Although it may seem senseless to use this reaction to get back a

Table 7 Relative Distribution of Cq, Bismalonate Bis Adducts After the Two-Electron
Controlled Potential Electrolysis.

Starting material cis(1-3) e trans-4  trans-3  trans-2  trans-1  Mono  Yield
cis-2 — 23, 5 8 52 12 29 49
cis-3 — 22 6 10 51 11 28 53
e (21 — 26 9 12 44 9 10 44
trans-4 — 23 10 12 47 8 14 61
trans-3 — 23 9 12 46 10 23 43
trans-2 — 22 6 9 53 10 19 39

Note: From Ref. 6e.
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pristine fullerene, successful separation of otherwise inseparable fullerene enantiomers has
been achieved using this reaction. The process consists of attaching chiral addends to a
mixture of enantiomers using the Bingel to form a diastereomeric mixture. When this
mixture is subjected to CPE under retro-Bingel conditions followed by purification by
HPLC, the pure enantiomers are isolated. So far, two enantiomers of Cyqg (fA)-C76 and
(f C)-Cy. have been prepared [46], as well as a C,-symmetric bis-methano adduct of C,, -
Cys. and pure C,,-Cqg [22]. Also, a successful separation of the D, and the D,y isomers of
Cg4 was achieved using this retro-Bingel protocol [47].

VI. CONCLUDING REMARKS

The contribution of discoveries made via electrochemical techniques to the understanding
of fullerene chemistry continues at a very fast pace. Perhaps some of the unanswered
mechanistic questions regarding the redox behavior of fullerenes will be answered soon.
Unquestionably, the role of electrochemistry in the field of fullerenes continues to be
strong. As new fullerene-derived materials are prepared, this role will become even stron-
ger.
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. INTRODUCTION

Electrochemical reduction of halogenated organic compounds continues to be a subject of
intense investigation. This interest stems from desires (a) to characterize and understand
the processes involved in the reductive cleavage of carbon—halogen bonds and (b) to utilize
the electrolysis of halogenated organic compounds for practical syntheses. In previous
editions of this volume [1-3] and in several reviews [4—7], a considerable body of knowl-
edge has appeared concerning mechanistic and synthetic aspects of the reduction of car-
bon-halogen bonds. In the present chapter, there is a focus both on traditional material
and on newer developments (especially those bearing on electrosynthesis) that involve
direct reduction as well as indirect (catalytic or mediated) reduction of halogenated
organic compounds.

Il. MONOHALOGENATED ALKANES

It has become well established that, at inert cathodes, the electrochemical behavior of a
simple alkyl monohalide (RX) can be characterized by means of the following mechanistic
picture:

RX +e = [RX"]
[RX"] — R-+ X~
R'+e — R
combination R2
2 R. . . .
disproportionation RH + RCH)
R-+SH — RH+S-
R +SH — RH+S~
RT+RX— Ry +X~
R +HB — RH+B"
RX + B -E25 R(-H)+ X"+ HB
RX +B™ 5 RB+ X~

Depending on the solvent, supporting electrolyte, electrode material, and potential, it is
possible to electrogenerate either alkyl radicals or carbanions, which can lead to the
formation of dimers (R,). alkanes (RH), and olefins [R(-H)]. In addition, the solvent
(SH) can act as a hydrogen atom donor or a proton donor. Also olefins can arise from
the base-promoted dehydrohalogenation of RX, and other products (RB) can be formed
via displacement of halide from RX by a base (B™). When cathode materials such as
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mercury, lead, and tin are employed, electrogenerated alkyl radicals can interact strongly
with the metal to enhance the reduction of the alkyl monohalide and to afford organo-
metallic compounds.

Tertiary alkyl halides are easier to reduce than secondary alkyl halides, which are, in
turn, easier to reduce than primary alkyl halides. Ease of reduction of a carbon-halogen
bond is governed by the identity of the halogen atom; (a) iodides are easier to reduce than
bromides, (b) chlorides are so difficult to reduce that they often appear to undergo no
direct reduction, and (c) no report of the direct reduction of an alkyl monofluoride has
been published. Finally, the existence of the radical anion [RX™], formed by addition of
one electron to an alkyl monohalide, has never been demonstrated; Andrieux and co-
workers [8] have discussed why such a species is not expected for simple alkyl monoha-
lides, but why radical anions of aromatic halides are distinct intermediates in the
electrochemical reduction of aromatic halides. Canadell and coworkers [9] have described
the implications of theoretical calculations pertaining to the lifetime of the water-solvated
radical anion of methyl chloride.

A. BReduction at Mercury Cathodes

1. Primary Alkyl Monohalides

Numerous investigations of the reduction of primary alkyl monohalides at mercury
electrodes have been undertaken. In ethanol (EtOH) containing tetra-n-butyl-ammonium
iodide (TBAI), reduction of iodoethane and l-iodobutane affords diethylmercury and
dibutylmercury, respectively, in essentially quantitative yields [10]. When 1-iododecane
undergoes reduction at mercury in dimethylformamide (DMF) containing different tet-
raalkylammonium perchlorates, two irreversible cathodic waves are observed that cor-
respond to successive formation of the decyl radical and the decyl carbanion [11]. For
potentials at which decy! radicals are generated, an electrolysis of 1-iododecane leads to
the formation of didecylmercury in at least 99% yield. However, for potentials at which
decyl carbanions are formed, the principal products are decane and 1-decene, along with
small quantities of 1-decanol, and telomers consisting of decyl and solvent-derived moi-
eties [12]. Bilewicz and Osteryoung [13] found that the reductions of iodoethane, 1-
iodobutane, and l-iododecane at mercury in MeCN containing tetraalkylammonium
salts are similar to those seen in DMF.

Primary alkyl monobromides typically undergo a one-step, two-electron reduction to
the corresponding alkyl carbanions, which react to afford alkanes and alkenes. Electrolysis
of 1-bromodecane in DMF containing a tetraalkylammonium salt gives products similar
to those obtained from the reduction of 1-iododecane at very negative potentials [12].
However, Fry [14] reported that the reduction of 1-bromohexane at mercury in DMF
containing TEABr yields hexane (70%), 1-hexene (12%), dihexylmercury (2%), and 1-
hexanol (7%). At stainless steel in DMF containing tetra-s#-butylammonium tetrafluoro-
borate (TBABF,), 1-bromoheptane undergoes efficient reductive dimerization [15].
Wagenknecht and coworkers [16,17] investigated the reductions of bromoethane and
1-bromobutane at mercury in DMF containing TEABr and saturated with carbon dioxide.
For the 1-bromobutane-carbon dioxide system, dibutylmercury, dibutyl oxalate, and buty!
valerate are produced in comparable yields. For systems in which a dialkylmercury species
(R,Hg) is seen, the most satisfactory way to account for its formation is via the interme-
diacy of a short-lived adsorbed alkylmercury radical [RHg (ads)]:



344 Peters

R’ — R'(ads)
R’ (ads) + Hg — RHg  (ads)
2 RHg (ads) - R,Hg + Hg

2. Secondary Alkyl Monohalides

Only one detailed report [18] about the reduction of secondary alkyl monohalides at
mercury has appeared. In DMF containing tetraalkylammonium perchlorates, 2-iodooc-
tane undergoes stepwise reduction, whereas 2-bromooctane exhibits just one stage of
reduction. At a potential corresponding to the uptake of a single electron by 2-iodooctane,
the electrogenerated sec-octyl radical (a) disproportionates to give octane, 1-octene, and 2-
octene, (b) combines to form 7,8-dimethyltetradecane, and (c) interacts with mercury to
yield di-sec-octylmercury. At a more negative potential, the sec-octyl carbanion arises
from either 2-bromo- or 2-iodooctane; from both starting materials, the same products
are obtained as before, except that the yield of octane is approximately doubled and the
amounts of di-sec-octylmercury and 7,8-dimethyltetradecane are lower,

Montero and coworkers [19] have described the reduction of 2-bromo-2-nitropro-
pane at mercury in dichloromethane containing TBABF, and dimethylacetylene dicarb-
oxylate (a dipolarophile); two unexpected products were obtained:

o) O
H3C\ 1/\102 dimethylacetylene ” H 0 Q
/C\ dicarboxylate H;CO—C—C=CH—C—OCH; + H;CO OCH;
H;C Br C(CH;),NO, e d 0
H;C N
OCH;
35% 64%

3. Tertiary Alkyl Monohalides

Polarographic and voltammetric investigations [20-22] of the behavior of tert-butyl iodide
and tert-butyl bromide have revealed that, depending on the solvent and supporting
electrolyte, the iodide undergoes stepwise reduction and the bromide exhibits either a
single two-electron reduction or a pair of one-electron reductions.

Cyclic voltammograms for the reduction of fert-butyl bromide at mercury in DMF
containing various tetraalkylammonium perchlorates show two cathodic waves [23,24].
Macroelectrolyses at potentials corresponding to the first wave produce fert-butyl radicals,
which form isobutane (40%) and isobutylene (40%) via disproportionation and which give
2,2,3,3-tetramethylbutane via radical combination. At more negative potentials, where
tert-butyl carbanions are generated, isobutane and isobutylene are each formed in
approximately 47% vyield, via reactions that involve (a) protonation of the fert-butyl
carbanion by a donor acid and (b) dehydrohalogenation of unreduced ferz-butyl bromide
by the conjugate base of the proton donor.

B. Reduction at Carbon Cathodes

An advantage of carbon electrodes over mercury electrodes for the reduction of alkyl
monohalides is that dialkylmercury compounds cannot form. In addition, as Lambert
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and Ingall [25] pointed out, it is possible with carbon cathodes to observe the direct
reductive cleavage of the carbon-chlorine bond in compounds such as 1-chloropentane,
1-chlorohexane, 2-chlorobutane, and rerr-butyl chloride in DMF containing TEAP.

Wagenknecht [17] found that the reduction of 1-bromobutane at graphite in carbon
dioxide-saturated DMF containing TEABr is a two-electron process, and that the gener-
ated butyl carbanions lead to the formation of butane, 1-butene, octane, butyl valerate,
butyl-N,N-dimethyloxamate, and dibutyl-2-methylmalonate. Earlier work by Kaabak and
coworkers [26], dealing with the reduction of iodoethane and [-bromobutane at graphite
in DMF, revealed that alkanes, olefins, dimers, and solvent-derived species are produced.

In a study of the electrochemistry of alkyl monohalides at glassy carbon in DMF
containing TBABF,, Andrieux and coworkers [8,27] concluded that 1-bromobutane, 2-
bromobutane, tert-butyl bromide, and 1-iodobutane undergo one-step, two-electron
reductions, whereas 2-iodobutane and tert-buty! iodide exhibit a pair of one-electron
reduction waves. Products derived from electrolyses of primary, secondary, and tertiary
alkyl! iodides and bromides at reticulated vitreous carbon cathodes have been determined
in DMF containing tetraalkylammonium salts [28]. When 1-bromo- or 1-iododecane is
electrolyzed, the principal products are decane and 1-decene, along with some 1-decanol,
although eicosane has been obtained in 37% yield from 1-iododecane in the presence of
TEAP. Electrolyses of 2-bromo- or 2-iodooctane afford mixtures of octane (30-35%). 1-
octene (14-19%), 2-octene (9-19%), 2-octanol (1-2%). and 7,8-dimethyltetradecane (18—
34%), and reduction of rert-butyl bromide gives isobutane (48%), isobutylene (42%). and
2,2.3,3-tetramethylbutane (8%).

Recent work [29], involving the use of reticulated vitreous carbon cathodes in DMF
containing TMABF,, has shown that the reduction of iodoethane is a two-electron process
and that the products are ethane (55%), butane (32%), and ethylene (6%). In the same
investigation [29], the electroreduction of 2-iodopropane was found to occur in two steps
to give the 2-propy! radical and the 2-propyl carbanion, respectively; depending on the
potential, propane, propylene, and 2,3-dimethylbutane are obtained in different yields.

In an investigation of the reduction of perfluoroalkyl monobromides and mono-
iodides at glassy carbon in nonaqueous solvents containing TBABF,, Andrieux and co-
workers [30] found that perftuoroalkyl! radicals are better hydrogen-atom scavengers than
simple alkyl radicals. Moreover, unlike simple alkyl radicals (and more like aryl radicals),
perfluoroalkyl radicals do not couple with electrogenerated radical anions of aromatic
compounds.

C. Reduction at Other Electrodes

Methyl, ethyl, propy!, and butyl halides are reduced at lead and tin cathodes to produce,
respectively, the corresponding tetraalkyllead and tetraalkyltin compounds in excellent
yield. Bismuth, gallium, indium, and thallium can be employed to prepare a variety of
organometallic compounds. Feoktistov [2] and Hawley [4] have summarized many of these
electrosyntheses.

Sock and coworkers [31] synthesized carboxylic acids by reducing alkyl bromides at
platinum, gold, stainless steel, and graphite in the presence of carbon dioxide in either
DMF or a THF-hexamethylphosphoramide (HMPA) mixture. Reduction of an alkyl
monobromide at nickel in DMF containing TBABr and in the presence of an arylalkene
and a sacrificial aluminum anode leads to an addition product [32].
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D. Electrolyte Effects

Many workers [12,13,18,22,23,33] have noticed that carbon-halogen bonds become
more difficult to cleave electrolytically as the size of the tetraalkylammonium cation
of the supporting electrolyte increases. Fry and Krieger [22] determined the relative
electron-transfer rates in dimethyl sulfoxide (DMSO) for reduction of both isobutyl
bromide and rert-butyl bromide (as well as for bromo- and iodobenzene) as a function
of the identity of the tetraalkylammonium cation comprising the supporting electrolyte.
Trends in electrontransfer rates appear to depend on (a) the shifts in the location of
the outer Helmholtz plane as different cations are employed and (b) the intrinsic
changes in the electron-transfer process caused by the presence of different electrolytes.
For electrosyntheses, it is important to be aware of the substantial shifts in the poten-
tials needed to reduce carbon—halogen bonds when different supporting electrolytes are
used.

Alkyl carbanions are potent bases, so they are protonated by almost any source
of hydrogen ions, especially adventitious water in the solvent or supporting electrolyte.
In the absence of water and other added proton donors, tetraalkylammonium cations
can serve as proton donors toward alkyl carbanions; deprotonation of tetraalkylam-
monium ions leads, via the Hofmann elimination, to the corresponding trialkylamine
and olefin. When tetramethylammonium salts are used as supporting electrolytes,
there is evidence that proton transfer gives rise to trimethylammonium methylide
[34,35].

lll. POLYHALOGENATED ALKANES
A. gem-Dihaloalkanes, gem-Trihaloalkanes, and Carbon Tetrachloride

Stepwise electroreductive dehalogenation of 1,1-dichloro-2.2-bis( p-chlorophenyl)ethane
and 1,1-dichloro-2-hydroxy-2,2-bis( p-chlorophenyl)ethane takes place at mercury in
water—-EtOH media containing potassium nitrate [36]. Reduction of dichloromethane in
the presence of alkenes has been employed to synthesize cyclopropanes [37,38]. Species
containing the trichloromethy! moiety, such as 1,1,1,5-tetrachloropentane, 1.1,1-trichloro-
5-cyanopentane, and 1,1,1,5-tetrachloro-3-pentene, can be converted into less chlorinated
analogues in aqueous MeOH [39], and reduction of 1,1,1-trichloro-2-hydroxy-4-methyl-4-
pentene gives 1,1-dichloro-4-methyl-2,4-pentadiene and 1,1-dichloro-2-hydroxy-4-methyl-
4-pentene [40]. Reduction of trichloromethylphosphonate at mercury in DMF containing
TBABF, and an alkyl halide yields a diethyl 1,1-dichloroalkylphosphonate [41].
Halofluoro compounds such as 1,1,1-trichloro-2,2,2-trifluoroethane, methy! chlorodi-
fluoroacetate, trifluorobromomethane, and perfluoroiodobutane, when reduced at
platinum in DMF containing TEAOTs, undergo reductive coupling with aldehydes [42];
electroreductive coupling of activated olefins and gem-polyhalo compounds has been
carried out at stainless steel in DMF containing TBABr [43]. Semmelhack and
Heinsohn [44] have selectively removed gem-polyhaloethoxy protecting groups from
carboxylic acids.

Carbon tetrachloride undergoes stepwise reduction at mercury in DMF contain-
ing TEABr [45]. Several groups of workers [46-52] have electrogenerated the short-
lived trichloromethyl anion, which can react with acrylonitrile, ethyl acrylate, diethyl
fumarate, alkyl monohalides, and a variety of aldehydes and ketones. De Angelis and
coworkers [53] have used dichlorocarbene, generated via reduction of carbon tetra-




Halogenated Organic Compounds 347

chloride at lead in chloroform containing TEABr, to react with 2,3-dimethylindole to
afford 3-chloro-2,4-dimethylquinoline and 3-(dichloromethyl)-2,3-dimethyl-3H-indole.
Paratian and coworkers [54-56] have reduced bromotrifluoromethane at stainless
steel in DMF containing TBABr in cells with sacrificial anodes of copper. cadmium,
and zinc to prepare CF;Cd, CF3Zn, and CF;Cu; reactions of CF;Cu with aromatic,
heteroaromatic, vinylic, benzylic, and allylic halides have been investigated. Reduction
of carbonimidoyl dichlorides at mercury in DMF containing lithium perchlorate gives
isocyanides in excellent yield [57]. Reduction of chlorodifluoromethyl enol ethers
results in two-electron cleavage of the carbon—chlorine bond, and the resulting
anion can react with trimethylchlorosilane to afford functionalized difluoromethyl
allylsilanes [58].

B. Vicinal Dihaloalkanes and Trihaloalkanes

Typically, these compounds undergo a two-electron reduction with loss of two halide ions
to give an olefin. Using a mercury cathode in DMF, Casanova and Rogers [59] demon-
strated that 1,2-dibromo-2-phenylpropane is reduced to 2-phenylpropane, that meso-2,3-
dibromobutane is reduced to trans-2-butene, and that d,/-2,3-dibromobutane is reduced to
cis-2-butene. For the reduction of d,/-1,2-dibromo-1,2-diphenylethane at mercury in
DMF, Lund and Holboth [60] discovered that the ratio of cis- to zrans-stilbene depends
on the identity and concentration of the supporting electrolyte. Other research dealing
with the reduction of vicinal dibromides has been carried out by Zavada and coworkers
[61] and by Lund and coworkers [62]. Papers concerning the reduction of polyhalogenated
ethanes (e.g., 1-bromo-2-chloro-1,1,2-trifluoroethane, 1,2-dibromo-1,1,2,2-tetraftuoro-
ethane, and 1,1.2,2-tetrabromoethane) in EtOH and water-EtOH mixtures have been
published by Feoktistov, Gol'din, and coworkers [63-67]. Rampazzo and coworkers
[68] studied the reductions of «, a, o, & -tetrabromo-o-xylene and 1,2-dibromobenzocyclo-
butene at mercury in DMF.

Casanova and Rogers [59] as well as Fry [69] postulate that the reduction of vicinal
dihalides is a concerted process in which both carbon-halogen bonds are partially cleaved
as a carbon—carbon double bond starts to form. Nonelectrochemical evidence [70] suggests
that a vicinal dihalide undergoes one-electron reduction to a radical anion, which loses the
first halide ion to form a neutral radical, after which the neutral radical accepts an electron
to become a carbanion that eliminates the second halide ion to yield an olefin. From a
study of the behavior of meso- and d,/-1,2-dibromo-1,2-diphenylethane, Fawell and co-
workers [71,72] concluded that the reduction of vicinal dihalides is a stepwise process.
Andrieux and coworkers [73] have examined the reductive elimination of vicinal dibro-
mides at carbon in MeCN.

In an investigation of meso- and d,/-3,4-dibromohexane and of meso- and d,1-2,5-
dimethyl-3,4-dibromohexane, Brown and coworkers [74] found that the meso compounds
are easier to reduce than the d,/ species. Moreover, for the reduction of 3,4-dibromohexane
in DMF at less negative potentials, the meso isomer affords rrans-hex-3-ene exclusively,
whereas the d,/ compound gives only cis-hex-3-ene; however, at more negative potentials,
the stereoselectivity is lost, and the zrans—cis product ratios are 50:50 for the meso isomer
and 70:30 for the 4,/ isomer. Evans and coworkers [75,76] employed cyclic voltammetry to
probe the temperature-dependent conformational equilibrium for a number of vicinal
dibromides, and Lexa and coworkers [77] have discussed inner- and outer-sphere processes
for the reduction of vicinal dibromides.
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C. a, w-Dihaloalkanes

Pioneering work by Rifi [78-80] centered on the reduction at mercury of a family of o, w-
dibromoalkanes in DMF containing TBAP. Cyclopropane was formed exclusively from
1,3-dibromopropane, and a mixture of cyclobutane (25%) and butane (75%) was pro-
duced from 1,4-dibromobutane; however, different results were obtained by Wiberg and
Epling [81]. From electrolyses of 1,5-dibromopentane and 1,6-dibromohexane, only
straight-chain alkanes were detected. Fry and Britton [82,83] investigated the behavior
of d,l and ineso-2,4-dibromopentane, and concluded, as did Wiberg and Epling, that the
reduction of these compounds at mercury is a stepwise process involving intramolecular
cyclization of a bromocarbanion intermediate.

A study by Casanova and Rogers [84] of the reduction of compounds ranging from
1.4-dibromobutane to 1,12-dibromododecane at mercury in DMF revealed that dialkyl-
mercury species can be synthesized in high yield by means of controlled-potential elec-
trolysis; however, constant-current electrolysis of the same starting materials produces
a variety of acyclic and alicyclic hydrocarbons in low yield.

A number of other publications deal with the electrochemical behavior of «.w-
dibromoalkanes at mercury electrodes: polarographic studies [85,86]; electrolyses of 1,3-
dibromopropane, 1,4-dibromobutane, and 1,5-dibromopentane [87,88]; reduction of 1,10-
dibromo- and 1,10-diiododecane [89]; and electrosyntheses of phenylcyclopropane and
cyclopropanol [90]. In the presence of an arylalkene, reduction of 1,3-dibromopropane
or 1,4-dibromobutane at nickel in DMF containing TBABr and with a sacrificial alumi-
num anode yields the corresponding cyclopentane or cyclohexane adduct [32]:

CeHs H Nicathode,  CeHs CeHs
>=< +Br(CH,);Br —ramode
2 DME, TBABr
H  CeHs
40%

Recent papers concerning the reduction of «,w-dihaloalkanes at carbon in DMF
containing tetraalkylammonium salts have appeared. Electrolyses of 1,3-dihalopropanes
at carbon afford cyclopropane in very high yields [91]. Reduction of 1,4-dihalobutanes [92]
and 1,5-dihalopentanes [93] gives cyclobutane and cyclopentane in modest yields, respec-
tively, along with various straight-chain compounds. For the reductions of 1,6-dihalohex-
anes [94], 1.8-dihalooctanes [95], and 1,10-dihalodecanes [95] at carbon electrodes, the
products are alkanes, olefins, dienes, monohaloalkanes, and dimers. Lu and coworkers
[37] have prepared derivatives of cyclopentane by reducing 1,3-dibromopropane in the
presence of various alkenes.

IV. HALOGENATED ALKENES AND ALKYNES
A. Vinyl Halides

Reduction of a vinyl halide involves the uptake of one electron and the loss of a halide ion
to give a vinyl radical

RzC:CXR + e — R:)C:CR —+ X~

which then undergoes further reduction and protonation:
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R,C=CR +e+H" - R,C=CHR

In addition, the vinyl radical can rearrange, before accepting an electron and a proton, to
afford either a cis or trans alkene as a final product. Among compounds that have been
investigated are aryl-substituted vinyl bromides [96], cis- and trans-3-iodo-3-hexene [97],
bromomaleate and bromofumarate [98], and aryl-substituted 3-chloroacrylonitriles [99].
Yoshida and coworkers [100] electrolyzed vinyl halides at platinum in DMF in the pres-
ence of trimethylchlorosilane to obtain silylation products.

Vicinal dibromoalkenes and diiodoalkenes undergo reduction, with loss of both
halide ions, to yield alkynes that (depending on the presence of activating substituents)
may be further reduced to olefins and saturated species; work by Rosenthal and coworkers
[101] on the electrochemistry of diethyl dibromofumarate and diethyl dibromomaleate
exemplifies this behavior. Unlike their dibromo and diiodo analogues, vicinal dichloro-
alkenes show more complicated electrochemistry; in some instances, the two carbon—
chlorine bonds simply undergo successive two-electron, one-proton reductive cleavage
[102], whereas in other cases the reduction leads to an alkyne [103].

B. Aliyl Halides

Baizer and coworkers [46,104] examined the reduction of allyl bromide and allyl chloride; in
DMSO containing tetracthylammonium perchlorate (TEAP). allyl bromide exhibits step-
wise reduction to the radical and to the carbanion, whereas allyl chloride undergoes a single
two-electron reduction [104]. However, in DMF containing tetracthylammonium tosylate
or TEABT, each of these allyl halides is reduced in a one-step, two-electron process to the
carbanion, which reacts with (a) a proton donor to give propene, (b) unreduced starting
material to yield 1,5-hexadiene, (c) carbon dioxide to produce the carboxylate (which, in
turn, can attack the allyl halide), and (d) other species, such as acrylonitrile and ethyl
acrylate [46]. Reduction of allyl halides, 1-chloro-3-methyl-2-butene, and methyl-4-halo-
2-butenoates at platinum in DMF containing diethyl fumarate gives the conjugate addition
products [105], and reduction of 4-bromo- and 4-chloro-2-butene can be used to allylate
acetone and benzaldehyde [106]. In DMF containing tetraalkylammonium salts, reductive
coupling of methallyl chloride with ketones and aldehydes to afford alcohols occurs at
carbon [107], and methallyl chloride undergoes electrodimerization at stainless steel [15].

According to Bard and Merz [108], in MeCN containing TBAP, allyl bromide and
allyl iodide interact chemically with a mercury electrode to form allylmercury halides.
These allylmercury halides undergo reduction to yield diallylmercury, which is itself
electroactive. Allyl bromide and allyl iodide are reduced at platinum in MeCN in a
two-electron process to give the allyl anion, and the allyl radical is not involved as an
intermediate. Reduction of allyl halides at platinum in DMF containing TEAOTSs and in
the presence of trimethylchlorosilane results in silylated compounds [100].

Brillas and Costa [109] reported that 1,3-butadiene is an intermediate in the reduc-
tion of trans-1,4,-dibromo-2-butene and trans-1,4-dichloro-2-butene at mercury in DMF
containing TEAP. Doupeux and Simonet [110,111] have described the electrochemical
behavior of a number of polyhalogenated allyl halides in DMF.

C. Acetyienic Halides

Several investigations [112-115] have dealt with acetylenic halides that undergo reductive
intramolecular cyclization. In DMF containing tetraalkylammonium perchlorates, elec-
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trolysis of 6-bromo- or 6-iodo-1-phenyl-1-hexyne at mercury gives a potential-dependent
product distribution [112]. At less negative potentials, the acetylenic halide is converted to
a radical, which is adsorbed onto and interacts with mercury to give di(6-phenyl-5-hexyn-
l-yl)mercury in a yield as high as 65%; alternatively, the radical can cyclize and abstract a
hydrogen atom (probably from the solvent) to form benzylidenecyclopentane in modest
yield (up to 24%). At more negative potentials, the starting material is reduced to the
carbanion, which gains a proton from residual water or the supporting electrolyte cation
to produce 1-phenyl-1-hexyne. In addition, 1-phenyl-5-hexen-1-yne is obtained via dehy-
drohalogenation of the starting material, and 1-phenyl-1-hexyn-6-ol arises from attack of
hydroxide ion (from water) on the parent compound.

In DMF containing tetramethylammonium perchlorate (TMAP), a normal pulse
polarogram for reduction of 1-iodo-5-decyne at mercury displays two waves, indicating
stepwise formation of radical and carbanion intermediates, whereas reduction of 1-bromo-
S-decyne gives a single wave, which corresponds to a net two-electron process [113].
Macroelectrolyses of both compounds at mercury afford products whose yields vary
with potential. At less negative potentials, the electrogeneration of the 5-decyn-1-yl radical
results in the formation of di(5-decyn-1-yl)mercury and pentylidenecyclopentane. At more
negative potentials, the carbanion resulting from two-electron reduction of a 1-halo-5-
decyne is protonated by residual water to yield 5-decyne. Hydroxide ion, resulting from
deprotonation of water, can react with unreduced 1-halo-5-decyne to form 5-decyn-1-o0l or
1-decen-5-yne, but formation of these two products is blocked by the deliberate addition
of a proton donor.

When 1-halo-5-decynes are electrolyzed at carbon in DMF containing tetraalkylam-
monium perchlorates [114], the yield of pentylidenecyclopentane increases dramatically
(up to 60%); two other major products are 5-decyne and I-decen-5-yne. Reduction of 6-
iodo-1-phenyl-1-hexyne at carbon in DMF containing TMAP affords benzylidenecyclo-
pentane (36%) and 1-phenyl-1-hexyne (38%); however, in the presence of an added proton
donor (1,1,1,3,3,3-hexafluoro-2-propanol), the yield of benzylidenecyclopentane climbs to
approximately 60% [115].

V. BENZYL HALIDES AND RELATED COMPOUNDS

Reduction of benzyl iodide at mercury appears to proceed via an electroinitiated chain
reaction with formation of benzylmercuric iodide [116,117]:

CsH5CH,I + ¢ — [CgH;CH,I] — CHsCH; + 1™

C¢HsCH, + Hg — CH,CH,Hg

C¢HsCH,Hg + C¢HsCH,I — C¢HsCH,Hg™ + C4H;CH; + 1™
C¢HsCH,Hg" + 1~ — C¢HsCH,Hgl

Analogous processes may occur for benzyl bromide and benzyl chloride [118-120].
Electrolyses of benzyl bromide in MeCN [120] or DMF [46] and of benzyl chloride in
aqueous EtOH [120] at mercury cathodes afford dibenzylmercury and toluene (and some-
times a small quantity of bibenzyl) in yields that depend on the potential. These products
could arise via one-electron reduction of the benzylmercuric halide (or the benzylmercury
cation) to give the benzylmercury radical, which undergoes either disproportionation or
further reduction and protonation. Alternatively, the benzyl halide could be reduced to the
benzyl radical, which can (a) accept another electron to yield the benzyl anion or (b)
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combine with mercury to give the benzylmercury radical [121], each of which reacts as
already described. Baizer and Chruma [46] suggest that the benzyl carbanion could arise
via two-electron reduction of either benzylmercuric halide or benzyl halide; then attack of
the carbanion on benzylmercuric halide would yield dibenzylmercury, and the reaction
between the carbanion and benzyl halide would produce bibenzyl. Reduction of benzyl
chloride at mercury in DMF containing tetracthylammonium halide and in the presence of
carbon dioxide provides evidence for generation of the benzyl carbanion; benzyl phenyl-
acetate [46] and phenylacetic acid [117] are obtained as electrolysis products. Benzyl
chloride undergoes electrodimerization at a stainless-steel cathode in DMF containing
TBABF, [15]. Chapter 21 offers further information about electrolytic reductive coupling
reactions.

Reduction of o- and p-nitrobenzyl halides at mercury or platinum gives mainly the
bibenzyl derivative, with nitrotoluene as a minor product [121-126]. However, m-nitro-
toluene is the predominant product of the electrolysis of m-nitrobenzyl halides [123].

Koch and coworkers [127] investigated the reduction of benzyl halides at both
platinum and carbon in MeCN containing TEAP. For the electrolysis of benzyl iodide
at platinum, the products are toluene, bibenzyl, and hydrocinnamonitrile. Hydrocin-
namonitrile arises from reaction of the electrogenerated benzyl anion with the solvent:

C6H5CH5 + CH3CN - C6H5CH3 + CHQCN
_CH2CN + C6H5CH21 — C6H5CH2CH2CN -|'- I_

In the presence of carbon dioxide or diethyl malonate, some of the benzyl anion is con-
verted, respectively, into benzyl phenylacetate or the diethyl ester of benzyl malonate.

Shono and coworkers [128] electrolyzed benzyl chloride or (1-chloroethyl)benzene at
carbon in MeCN containing TEAOTs and in the presence of various acyl chlorides to
prepare alkyl benzyl ketones. Electrolysis of benzyl chloride in the presence of various
ketones and aldehydes can be used to synthesize alcohols [52].

For the reduction of 1-bromo-l-phenylethane at mercury in DMF containing
TEABF,. Yamasaki and coworkers [129] found that the product distribution depends
on the potential. At less negative potentials, it appears that an organomercury radical is
involved as an intermediate, and the products are meso-2,3-diphenylbutane (40%), d,I-2,3-
diphenylbutane (40%), and phenylethane (18%). At more negative potentials, generation
of an anionic intermediate via two-electron reduction of the carbon-bromine bond leads
exclusively to phenylethane. Through the use of optically active 1-bromo-1-(deuterio-
ethyl)benzene, some conclusions were reached about stereochemical inversion during the
two-electron reduction and protonation process.

Using (1-bromo-2,2-dimethylpropyl)benzene, Fry and Powers [130] obtained more
insight into the mechanism of formation of bibenzyl from the reduction of benzyl bro-
mides. Electrolytic cleavage of the carbon—bromine bond gives a potential-dependent
distribution of products. At less negative potentials, all products (rneso- and d,/-2,2,5,5-
tetramethyl-3,4-diphenylhexane, head-to-tail and tail-to-tail dimers, and neopentylben-
zene) arise from a radical intermediate. At more negative potentials, two-electron reduc-
tion of the carbon—bromine bond gives a carbanion intermediate, which is protonated to
yield neopentylbenzene; a small amount of a-phenylneopentanol is formed via dehydro-
halogenation. A recent report by Fry and coworkers [131] describes steric effects on the
reductive coupling of a-substituted benzyl bromides.

Other compounds that have been studied are benzhydryl halides [132,133] and
o, -dibromoxylenes [134]. Trifluoromethylbenzene, chlorodifluoromethylbenzene, and



352 Peters

dichlorofluoromethylbenzene [135] can be electrolyzed at mercury in DMF containing
TBAI to afford a series of species, each possessing one less halogen atom than its pre-
cursor. Trifluoromethyl arenes undergo reductive coupling with electrophiles such as car-
bon dioxide, dimethylformamide, and acetone [136]. Trichloromethylbenzene undergoes
stepwise reduction with loss of chloride in DMF [45,137]; electrolysis at a potential corre-
sponding to the first stage of reduction leads to 1,2-diphenyl-1.1,2,2-tetrachloroethane
(63%), diphenylacetylene (25%), 1.2-dichloro-1,2-diphenylethene (7%), and dichloro-
methylbenzene (2%) [137]. However, reduction of trichloromethylbenzene in DMF con-
taining TBABF, in the presence of acetic anhydride gives, besides the preceding products,
2-acetoxy-1-chloro-1-phenyl-1-propene and 1,2-diacetoxy-1-phenyl-1-propene [138].
Cathodic addition of trichloromethylbenzene to ketones gives «.B-unsaturated ketones
[139]. Methyl esters of trifluoromethylbenzoic acid can be defluorinated by reduction at
lead cathodes in MeOH [140,141]. Fry and Touster [142] have reduced a benzal halide at
stainless steel in DMF containing trimethylchlorosilane to synthesize both the («-halo-
benzyl)silane and the benzal disilane.

Amino acids can be synthesized via the coupling of Schiff bases with carbanions
generated by reduction of benzyl halides [143,144]. Electrolysis of benzyl chloride at
mercury in DMF containing TBABr, and in the presence of the Schiff base formed
from benzylamine and benzyl pyruvate, affords a-methylphenylalanine in up to 86%
yield (after hydrogenolysis over palladium—charcoal). An antihypertensive agent, a-
methyl-$-(3.4-dihydroxyphenyl)alanine, has been prepared by reductive coupling of the
aforementioned Schiff base with 3,4-methylenedioxybenzyl chloride.

VI. ALICYCLIC HALIDES
A. Monohalogenated Species

Early research dealt with the reduction of substituted and optically active 1-bromocy-
clopropanes and 1-iodocyclopropanes [145-147]. A principal concern was whether clea-
vage of the carbon-halogen bond at mercury and carbon cathodes leads to both
radical and carbanion intermediates. Mann and Barnes [148] have discussed the
mechanism of reduction of the carbon-halogen bond in these species. Hazard and
coworkers [149] investigated how the identity of the supporting electrolyte cation
affects the reduction of derivatives of 1-bromo-1-carboxy-2,2-diphenylcyclopropane;
ammonium ion causes retention of configuration, whereas tetraalkylammonium salts
lead to inversion. Other studies by the same group involve the effect of adsorbed
alkaloids on the stereochemistry of reduction of 1-bromo-1-carboxy-2,2-diphenylcyclo-
propane [150] and the reduction of optically active derivatives of 2,2-dibromocyclopro-
pane [151,152]. Monobromocycloalkanes, ranging from cyclobutyl bromide to
cyclohexadecyl bromide, have been examined polarographically in DMF containing
TEABr [20,153].

Polarographic data for 1-bromo- and 2-bromonorbornane [22,154-156], 1-bromo-
bicyclo[2.2.2]octane [154.155], 1,7,7-trimethyl-3-halobicyclo[2.2.1]Theptan-2-ones [157], and
derivatives of 1-bromo- and 2-bromo-7-oxabicyclo[2.2.1Theptane [156] have been com-
piled. For electrolyses of 1-bromo- and 1-iodonorbornane at mercury in DMF, the domi-
nant process is two-electron cleavage of the carbon—halogen bond to afford norbornane;
only a small quantity of bis(1-norbornyl)mercury is obtained [158]. At a platinum cathode,
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the reductions of 1-bromo-, 1-chloro-, and 1-iodonorbornane give mainly norbornane,
along with a little 1,1'-binorbornyl [159].

B. Dihalogenated Species

Fry and Reed [160] observed that electrochemical reduction of 2,2-dichloronorbornane, 2-
exo-bromo-2-endo-chloronorbornane, and 2-endo-bromo-2-exo-chloronorbornane at mer-
cury cathodes in DMF is a two-electron process, giving a mixture of nortricyclene and
endo-2-chloronorbornane. Two papers [161,162], pertaining to the reduction of several
7,7-dihalobicyclof4.1.0]heptanes, have revealed that formation of the less stable endo-7-
halobicyclof4.1.0]heptane is preferred over the exo isomer. According to Rifi [78,80], the
electrolysis of 1-bromo-3-chlorocyclobutane at mercury in DMF containing lithium bro-
mide yields bicyclof1.1.0]butane, cyclobutane, and cyclobutene. A similar pattern of elec-
troactivity prevails for 1,3-dibromo-1,3-dimethylcyclobutane. Hoffmann and Voss [163]
found that 1,3-dibromocyclopentane and 1,3-dibromocyclohexane undergo reductive ring-
closure reactions at a platinum cathode in DMF containing TPABTr.

Low-temperature reduction of 1-bromo-4-chlorobicyclof2.2.0Jhexane at a mercury
cathode in DMF containing a tetracthylammonium salt affords A1'4-bicyclo[2.2.0]hex-
ane, which can be trapped with cyclopentadiene [164,165]. Rifi [80], as well as Wiberg
and coworkers [166], electrolyzed 1,4-dibromobicyclo[2.2.2]Joctane in DMF containing a
tetraalkylammonium salt; in the latter investigation, evidence was obtained that
[2.2.2]propellane is formed transiently during the electrolysis. Rifi [80] reported that
electrolysis of 1,5-dibromobicyclo[3.2.1]Joctane leads to the stable [3.2.1]propellane, and
Leibzon and coworkers [167] found that reduction of 3,7-dibromo-3,7-dinitrobicy-
clo[3.3.1Jnonane affords 3,7-dinitroadamantane in good yield (75-80%). Using glassy
carbon in MeCN containing TBABF,, Adcock and coworkers [168] have studied the
reductions of 1,3-dihaloadamantanes, 1,4-dihalobicyclof[2.2.2]Joctanes, and 1,3-dihalobi-
cyclof1.1.1]pentanes.

For the reduction of 1,4-dihalonorbornanes at platinum in DMF containing TEABT,
Wiberg and coworkers [159] found that the products are norbornane and 1,1’-binorbornyl,
but there was no evidence for the formation of [2.2.1]propellane. However, when 1.4-
dihalonorbornanes are electrolyzed at mercury in DMF [169,170], the major products
are norbornane and bis(1-norbornyl)mercury, along with a small amount of 1,1’-binor-
bornyl, and it was concluded that [2.2.1]propellane is an intermediate.

C. Other Species

Semmelhack and coworkers [171] reduced 1,2-dimethyl-4.5,6,6-tetrachlorospiro[2.3]hexa-
diene at mercury in DMF containing lithium perchlorate and deuterium oxide to prepare
1.2-dimethyl-4,5,6-trichloro-6-deuteriospirof2.3]hexadiene. A procedure for selective tri-
methylsilylation of tetrachlorocyclopropene to afford 1-(trimethylsilyl)trichlorocyclopro-
pene has been described [172]. At mercury in aqueous EtOH containing TMACI,
polyfluorocyclohexadienes can be reduced [173]. Strelow and coworkers [174] have
reviewed the literature on the reduction of 1.1,3,3-tetrachlorodispirocyclobutanes to 1,3-
dichlorodispirobicyclof1.1.0]butanes. Chlordane, aldrin, and alodan (chlorinated insecti-
cides) can be electrochemically dechlorinated at lead cathodes in MeOH containing
TEABT [175]; for example, chlordane is converted into a mixture of three less chlorinated
products:
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Lindane (y-hexachlorocyclohexane) undergoes stepwise dechlorination at a palla-
dium-modified carbon-cloth cathode in MeOH containing TEABr [176].

VIl. HALOGENATED AROMATIC COMPOUNDS
A. Monohaiobenzenes

Electrochemical reduction of monohalobenzenes is generally believed to involve irrever-
sible two-electron scission of the carbon-halogen bond followed by rapid protonation of
the phenyl carbanion to give benzene. However, publications by Savéant and coworkers
[8,177] have provided quantitative evidence that in nonaqueous media a more intricate
mechanistic scheme for the reduction cleavage of these compounds must be considered.
Accordingly, one can postulate a one-electron transfer to give a radical anion

C6H5X +e+= C%I‘j[s)(T

which decomposes to yield the phenyl radical:

CeHX™ 5 CH + X~

A linear correlation exists between the logarithm of the rate constant k for scission of the
electrogenerated radical anion and the standard potential for the C¢H;X—C¢HsX™ couple;
the more negative the standard potential, the larger is the rate constant [8]. Once formed,
the phenyl radical can accept an electron,

CGHS' +e— CGHS_
or can react homogeneously with the initially generated radical anion,
C(SHS' -+ C6H5X7 —> C6H§ -+ C6H5X

and the resulting phenyl anion can be protonated by residual water in the solvent, by the
supporting electrolyte, or by the solvent itself:

C6H§ + H+ e C(,HG

Other possible reactions include (a) abstraction of a hydrogen atom from the solvent by
the phenyl radical, (b) homogeneous reduction of a solvent radical by the halobenzene
radical anion, and (c) heterogeneous reduction of a solvent radical at the electrode surface.

Some examples of electrosyntheses based on the reduction of monohalobenzenes are
now cited. Reduction of iodobenzene and bromobenzene at mercury in carbon dioxide-
saturated DMF containing TEAP affords benzoic acid in up to 40% yield [178].
Bromobenzene, 3-methoxybromobenzene, 4-bromofluorobenzene, 4-(trifluoromethyl)-
chlorobenzene, and 1,2.4-trichlorobenzene can be converted into aldehydes at a cad-
mium-coated stainless-steel cathode in DMF containing TBABr [179]. In the presence
of trimethylchlorosilane, silylation products arise from the reduction of various aryl
halides at platinum in DMF containing TEAOTs [100]. Reduction of p-iodoanisole at
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mercury in carbon dioxide-saturated DMF containing TMAP produces p-anisic acid,
anisole, and bis(p-anisyl)mercury [180]. Electrolysis at a mercury cathode in diglyme
containing a mixture of TBABF, and dimethylpyrrolidinium tetrafluoroborate has been
used by Kariv-Miller and Vajtner [181] to convert fluorobenzene to benzene; the dimethyl-
pyrrolidinium cation (DMP?) acts catalytically by being reduced to an amalgam that
reacts with fluorobenzene to produce the radical anion

DMP?" + e +nHg — DMP(Hg),
C¢H;F + DMP(Hg), — CcHsF~+ DMP* + nHg

which undergoes carbon—fluorine bond breakage, followed by further reduction and pro-
tonation to afford benzene. Chami and coworkers [182,183] demonstrated that electrolysis
of substituted aryl halides in the presence of an olefin and a redox catalyst leads to arylated
addition compounds; for example, the reduction of 4-chlorobenzonitrile at platinum in
liquid ammonia containing 4-chlorostyrene and 4,4'-bipyridyl affords 1-( p-chlorophenyl)-
2-(p-cyanophenyl)ethane in 64% yield, and electrolysis of 4-chlorobenzonitrile at mercury
in DMF containing styrene and naphthonitrile gives 1-phenyl-2-( p-cyanophenyl)ethane in
up to 80% yield.

Donnelly and coworkers [184,185] reported that the following intramolecular cycli-
zation can be performed using a mild-steel cathode in MeCN containing TEABF,:

N-N NN

/
N mild steel cathode N
MeCN, TEABEF,

F F
80-90%

Reduction of an aryl halide at a cadmium-modified nickel cathode in DMF containing
TBABF, leads to a formylation reaction between aryl carbanions and the solvent [186].
Two papers [187,188] have appeared in which reduction of aryl halides gives an aryl
carbanion, which, by acting as a base to deprotonate a suitable nitrile, can cause coupling
of the nitrile with esters, aldehydes, and ketones. Electrochemical trimethylsilylation of
aryl halides can be effected at a stainless-steel or carbon-cloth cathode in THF-HMPA
containing TEABF, and trimethylchlorosilane [189].

B. Polyhalobenzenes

Benzene bearing two different halogens can be reduced in a stepwise fashion. For example,
electrolysis of p-fluoroiodobenzene yields fluorobenzene [190], and reduction of p-bro-
moiodobenzene gives bromobenzene in 98% yield [191]; of course, the monohaloben-
zenes can be further reduced. In DMSO containing TEABr, polychlorobenzenes can be
selectively dechlorinated by electrolysis at mercury [192]. Studies have been made of the
reductive dehalogenation of 1,3-difluorobenzene [181], the electrocarboxylation of
dichlorobenzenes [193], the electrochemical behavior of the entire family of chlorinated
benzenes [194], and the reductive coupling between 1,4-dichlorobenzene and 2.6-di-tert-
butyl phenoxide [195]. Recently, during studies of the reduction of di-, tri-, and tetra-
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halobenzenes at carbon in DMF containing TMAP [196], it was discovered that 1,2,
4,5-tetrabromobenzene undergoes an electrolytically induced halogen dance, in which
1.3,5-tribromobenzene and 1,3-dibromobenzene are formed, along with 1,2,4-tribromo-
benzene and 1.4-dibromobenzene. For the electrolysis of o-dihalobenzenes, benzyne has
been proposed as an intermediate [197-201].

A palladium-modified carbon-cloth cathode in MeOH containing TEABr has been
used by Kulikov and coworkers [176] for the stepwise dechlorination of 1,2,3,5-tetra-
chlorobenzene and by Tsyganok and Otsuka [202] to carry out the dechlorination of
2,4-dichlorophenoxyacetic acid (a herbicide).

C. Halogenated Nitrobenzenes and Cyanobenzenes

Radical anions formed by addition of a single electron to a monohalobenzene are ex-
tremely short-lived; a halide ion is rapidly expelled and the resulting phenyl radical is
quickly reduced. However, for a variety of mono- and polyhalogenated nitrobenzenes
and cyanobenzenes, the electrogenerated radical anions are sufficiently stable that their
EPR spectra can be recorded. In general, the stability of these radical anions is least for
iodo compounds and greatest for fluoro species, and ortho halogens are expelled much
more rapidly than para halogens, which are, in turn, lost faster than mera halogens.
Hawley [4] has reviewed much of the available information about the electrochemical
behavior of halogenated nitrobenzenes and cyanobenzenes. Andrieux and coworkers
[203] have recently characterized the reduction of pentafluoronitrobenzene and penta-
chloronitrobenzene at glassy carbon in MeCN containing TBABF,.

D. Halogenated Aryl Carbonyls

Product distributions have been determined for electrolyses of pentafluorobenzaldehyde,
pentafluorobenzoic acid, and pentafluorobenzamide at mercury in aqueous media contain-
ing either sulfuric acid or TEABF, [204]. Reduction of the aldehyde gives pentafluoro-
benzyl alcohol and 2,3.5,6-tetrafluorobenzyl alcohol. Pentafluorobenzoic acid is initially
converted to a mixture of 2,3,5,6-tetrafluorobenzoic acid (73%), pentafluorobenzyl alco-
hol (6%), and 2,3,5,6-tetrafluorobenzyl alcohol (20%); however, at a more negative poten-
tial, only the last two products are obtained in a 1 : 2 ratio. Pentafluorobenzaldehyde and
2,3,5,6-tetrafluorobenzaldehyde are easier to reduce than their benzoic acid analogues;
therefore, the aldehydes cannot be isolated from electrolyses of the acids. In sulfuric
acid, electrolysis of pentafluorobenzamide gives pentafluorobenzyl alcohol (58%) and
2,3.5,6-tetrafluorobenzyl alcohol. Using a lead cathode in sulfuric acid containing tetra-
alkylammonium salts, Sato and coworkers [205] selectively reduced pentafluorobenzoic
acid to either 2.3,5,6-tetrafluorobenzyl alcohol or 2,3,5,6-tetrafluorobenzaldehyde.

Fry and coworkers [191] observed that electrolysis of m-bromoacetophenone at
mercury in DMF containing TEABr affords acetophenone, whereas reduction of p-
b