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ON THE THEORY OF OXIDATION-REDUCTION REACTIONS
AND OF RELATED PROCESSES*

By R. A. Marcus

Department of Chemistry, Polytechnic Institute of Brooklyn, Brooklyn, N. Y.

Recent years have witnessed the elucidation of the mechanisms of
many organic and inorganic chemical reactions, Several principal factors
have contributed to this development. Among these may be listed the de-
tailed kinetic study of numerous reactions, and the use of isotopic
tracers, in some cases, to map the migration of specific atoms between
the reacting molecules. Another factor is the deep insight into reaction
mechanisms afforded by qualitative application of the ideas of modern
valence theory, such as those embodied in the conception of the activated
complex,

Oxidation-reduction reactions provide typical examples of this trend.
Detailed kinetic studies have shown that they frequently involve a
number of successive reaction steps. Attention has become focused on
the rates and mechanisms of these elementary reactions, some of which
are equilibria involving the formation, or disappearance, of the species
participating in the actual redox step.

Similar remarks apply to electrode processes, whose slow rate is one
cause of overvoltage and of polarographic irreversibility. Detailed
studies of the mechanism of these processes, frequently by alternating
current techniques, are comparatively fewer, but they have begun to re-
veal the complexities and trends involved.!™® These processes, too, may
involve several successive steps, some of which are associated with the
formation or disappearance of the reacting particle undergoing electron
or atom transfer with the electrode. Isotopic tracer techniques have been
employed here also.

Tentatively, one may draw from the studies of redox processes several
generalizations that are especially pertinent to the ensuing discussion:

(1) In a homogeneous oxidation of a series of chemically related com-
pounds differing only in some substituent, some correlation usually
exists between differences in over-all reaction rate and differences in
the standard free energy change of the reaction.”

(2) The study of reactions having zero standard free energy change
permits a closer evaluation of other factors affecting the reaction rate.
Excellent examples of such processes are isotopic exchange reactions®

*This paper, illustrated with lantermn slides, was presented at a meeting of the Section
on February 5, 1957.
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between ions differing only in their valence state, such as those in
EQUATIONS 1 and 2:

Fe(H,0); "2 + Fe(H,0)® = Fe(H,0);%® + Fe(H,0); > (1)
Fe(CNY % + Fe(CN)7? = Fe(CN)y™® + Fe(CN)g' 2)

(The asterisk in these equations denotes a radioactive ion.) It appears
from these studies that ionic size, Coulombic repulsion, and differences
in corresponding interatomic distances in the two reactants affect the
reaction rate.

(3) Some parallelism appears to exist between the rate at which a
material undergoes electrolysis at a given overvoltage and the .rate at
which it undergoes an isotopic exchange redox reaction. For example,
the rate of the isotopic exchange reaction between small hydrated
cations is smaller than that between the complex iron cyanide ions. ?"1!
Correspondingly, the former form systems less reversible electrochemi-
cally.!? Similarly, the isotopic exchange reaction between the cobalt
ammines is slower than that between cobalt ethylenediamines® and,
again, the former form electrochemically less reversible systems.'® 15

The mechanism of the actual redox step in a process may be one of
electron or atom transfer between the reactants. Generally the reaction
kinetics alone cannot distinguish between these two paths. Isotopic
tracers have established an atom transfer mechanism in several cases, 16:17
but their use is limited to reactions in which no alternative nonredox
path is available for the transfer. For example, the method is inap-
plicable if the atom, such as the phenolic hydrogen in hydroquinones,
is highly labile.

Nevertheless, several approaches based on recent theoretical develop-
ments can be tentatively suggested for distinguishing between these two
mechanisms in such cases. These will be considered later.

We shall first examine a possible electron transfer mechanism and
some of its consequences.

In 1952 Libby™ applied the Franck-Condon principle to isotopic ex-
change electron transfer reactions, pointing out that the atoms did not
have time to move during the rapid electronic jump. This line of reason-
ing focused attention on the role played by the co-ordination shells and
hydration atmospheres of the two reactants. The more similar the two
reactants were in this respect, the less would be the energy barrier to
reaction. These ideas were explored in more detail by the present writer,
who later formulated a quantitative theory for electron transfer processes.
The results of this investigation are outlined in the succeeding para-
graphs.

In most chemical reactions, bonds are formed and broken in the critical
collision, or activated, complex, and this will generally require a large
interaction of the electronic structures of the two reactants. In contrast,
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only a weak electronic interaction of the reacting molecules may be
necessary to couple the reactants electronically and so permit an electron
transfer process to occur,

Assuming that these electronic orbitals interact but slightly in the
activated complex, I have shown'® that the latter proceeds through two
successive states. These have the same energy and the same atomic
configuration, but the first has the electronic configuration of the re-
actants, and the second has that of the products. This restriction of
constant energy is far-reaching and does not obtain in reactions having a
large interaction of the orbitals of the two reactants. In those reactions,
the electronic configuration of the critical collision complex can some-
times be approximately regarded as consisting of a ‘‘quantum mechanical
resonance’’ between two strongly interacting electronic structures (that
of the reactants and that of the products). These two resonance structures
have the same atomic configuration but, usually, they do not have the
same energy.

It followed from the atomic configuration-energy restriction that a re-
organization of the entire atomic configuration is necessary to form a
collision complex satisfying this restriction. To compute the free energy
of reorganization, and hence the probability of formation of the reorgan-
ized state, expressions were first deduced for the properties of such
nonequilibrium systems. The usual electrostatic formulas could not be
used, and equations appropriate for these ‘‘disorganized’’ states of
dielectric medium were derived.” An infinite number of atomic con-
figurations can satisfy the restriction. The most probable set of con-
figurations was obtained by minimizing the free energy of reorganization,
subject to the restriction of constant energy. This information permitted
the determination of the properties of the most probable state of the
critical collision complex, including its free energy of formation from the
reactants.

The expression obtained for the rate constant k of the electron transfer
step is given by the following set of equations: 1

k= pze T @)
where Z is the collision frequency of two uncharged molecules in solu-
tion and p is the probability of occurrence of an electron transfer during
the lifetime of the activated complex (10°® sec.). The quantity p was
assumed to be of the order of unity in preliminary applications and some
evidence in favor of this was cited. AF* is given by:

AF* = m2\ + eje;/Dyr 4)
where 2m +1 =~ [AF° + (o1, — e, 0,)/D, r1/) (5)
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In these equations, et and ez are the charges of the reactants, e, and
e, are those of the products. As a result of reaction, the change in
charge of reactant 1, Ae, is (e; — e1) = (es - e,). The effective radii of
the reactants, a, and a,, were discussed. For complex ions and small
hydrated metal cations they are the radii of spheres enclosing the first
co-ordination shell. The standard free energy change of the electron
transfer step in the reaction is AF®. The factor r, the distance between
the centers of the reactants in the collision complex, was discussed and
set equal to its minimum value (a, + a,). D,, is the square of the re-
fractive index of the solvent, while D, is the static dielectric constant.

Application?! of these equations to isotopic exchange reactions was
particularly instructive. The agreement between the experimental and
theoretical results using no adjustable parameters was excellent for
tightly knit covalently bound ions. For example, AF*xpt was® 12.7 kcal.
mol™! for the Fe(CN)6 — Fe(CN)§® reactlon, while the calculated value
was 10.1 kcal. mol™2, In the MnO;’ — MnO}' reactxon AFexpt was? 12.8
kcal. mol™! and AFc,,,c was 9.2 kcal. mol"’. On the other hand, the
agreement for small hydrated catlons was reasonable but not as good.
For F‘e(HZO)‘5 - Fe(H20)63, AFe,‘pt equals 16.3 and AFJ, .. is 9.8
keal. mol™, For Co(H;0)#2? - Co(H,0%°, AF,B,EPt equals'! 16.4 and AEX,
is 9.9 keal. mol™",

In the derivation of these equations each ion was treated as a sphere,
inside of which no changes in interatomic distances occurred during the
reaction. This assumption appears to be a reasonable one when the
central atom in the ion is covalently bound to its ligands in both valence

states, and therefore is less valid for the aquo ions. More recently, this
assumption was eliminated % and a more detailed calculation was made
incorporating, in a basic way, these changes in interatomic distances
in the formation of the activated complex. The approx1mate a priori value
computed for AFcalc for both the Fe(H, O) ~Fe(H,0)s % and Co(H, (o)
—~Co(H, 0)6 reactions was 18 kcal. mol™}

Experiments measuring the difference between the rate constants of an
isotopic exchange reaction in water and in heavy water have been of
particular interest. It was found expel;lmentally that the rate constants
of the exchange reactions Fe(Hzo)s - Fe(H20)6 and Fe(H20)6 -
Fe(H,0)s OH*? were about twice as fast in water as in heavy water. An
apprec1ably h1gher rate constant in water was also observed” for the
NpOz - Np02 reaction. Since the two solvents have similar values of
both D¢ and D,p, a reason for this behavior must be sought elsewhere

Two explanations can immediately be offered; one of these’’ is an
application of the refinement of the theory discussed previously. Some
change must occur in the interatomic O-H distances in these processes.
(The NpO and '\IpO jons are also partially hydrated.) It can be shown
that such changes occur more easily for O-H bonds than they do for O-D
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bonds because of the former’s larger zero-point vibrational energy. How-
ever, a hydrogen (deuterium) atom transfer mechanism would also be
consistent?® with the data. These considerations were used?! to pro-
pose tentatively a diagnostic test for distinguishing a small-overlap
electron transfer mechanism from an atom transfer process where the
atom transferted was not a hydrogen. Probable examples of such systems
included halide ion-catalyzed isotopic exchange reactions between metal
aquo ions.

Recently, a theory of overvoltage has been formulated®® using the
same basic assumptions as those employed in the redox theory, but
taking into account the special conditions prevailing at electrode inter-
faces. The final equations deduced for the rate constant of the electron
transfer step at the electrode bear a strong resemblance to EQuATIONS
3 to 6. The major differences are that Z becomes the number of colli-
sions per second of an uncharged particle with unit area of the electrode;
the Coulombic terms ere; /Dgr and e,e,/D, r are replaced by appropriate
terms for the work required to transport the central ion in its initial and
in its final states to the electrode-solution interface; AF® is replaced by
the ‘‘activation’’ overvoltage (the part of the overvoltage due to the

slowness of the electron transfer step), A has one-half its value in EQua-
TioN 6, and a, equals a,. Any changes in interatomic distances within

the central ion during the entire process can be incorporated into the
theory in a way similar to that employed23 for homogeneous redox re-
actions.

When there is no concentration polarization this expression immediate-
ly gives the absolute value of the current density as a function of over-
voltage. Application26 to some redox systems, including the conversion
of ferrous to ferric ion and of ferrocyanide to ferricyanide ion, gave
satisfactory quantitative agreement with recent data.

There is a very strong parallelism between the theoretical equations
noted earlier for electrode processes and those for homogeneous redox
reactions, when the former occurs at zero overvoltage and the latter is
an isotopic exchange having zero AF° (and a; equal to a,). This sug-
gests that it will be interesting to explore more quantitatively the re-
lationship between the rates of various isotopic exchange reactions and
of electrode processes involving corresponding ions. Some data available
for such a comparison have been referred to earlier, and preliminary re-
sults in this direction are encouraging. A detailed and extensive com-
parison would be particularly desirable. Should this parallelism, modi-
fied by the small difference in theoretical equations, be established
extensively, then this would be suggestive evidence for a ‘‘small-
overlap”’ ¥ electron transfer mechanism for both processes.

Evidence has been presented to show that the electrochemical reduc-
tion?”! and oxidation?® of some organic compounds occur via an electron
transfer with the electrode, rather than as the result of reaction with
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nascent hydrogen or oxygen, which might be present at the electrode
surface. Nevertheless, it seems likely that with certain possible ex-
ceptions the homogeneous oxidation-reduction of most organic compounds
will possess an atom transfer mechanism?*¥® Tracer studies have
definitely established a mechanism of this nature in a number of cases.’
Some possible exceptions are those organic redox reactions in which
each of two reactants forms a more-or-less reversible electrochemical
system. This has been assumed3! on occasion. Partly for this reason,
the recent detailed kinetic studies”**® of the homogeneous oxidation of
a series of hydroquinone-like compounds by various oxidizing agents
such as ferric ion or molecular oxygen have been of particular interest.
In both cases, the data were consistent with two postulated reaction
sequences. The redox step in one was an electron transfer; that in the
other, an atom transfer. Application of EQuaTIiONs 3 to 6 to these
systems is rather approximate since the charge distribution on the or-
ganic compound is far from spherical (in the electron transfer mechanism
the active reagent is the negatively charged hydroquinone ion). The ex-
tension of the theory to such molecules has been discussed elsewhere. ®
The agreement between the experimental and calculated results is reason-
able, but additional refinements are in progress. In these reactions, too,
it would seem desirable to study in a detailed, comparative way the rates
of homogeneous and electrochemical redox processes.

Crystallographic studies have also contributed to the understanding
of redox reactions. For example, utilizing Libby’s application of the
Franck-Condon principle to electron transfer reactions, Brown>® has
pointed out that the slowness of the Co(NH;3 ;2 - Co(NH3);3 exchange
reaction may be due to the large difference in Co-N bond lengths in the
two reactants. A theoretical computation of the contribution of this ef-
fect on the reaction rate involves a knowledge not only of the inter-
atomic bond distances, but also of the force constants of these bonds.
Neither of these properties is known for most of the reagents whose
isotopic exchange reactions have been investigated. Crystallographic
and spectroscopic studies of these systems promise to be of definite
interest.

A major question in electron transfer reactions is the ease with which
an electron can jump from one reactant to the other when there exists a
suitable atomic configuration satisfying the constant energy restriction.
Some calculations®! based upon earlier estimates® have suggested that
this process could occur with relative ease, that is, that p in EQuATION
3, for example, was of the order of 1 to 0.01. However, a more direct
estimate would be desirable. The electron transferred from an occupied
electronic orbital of one reactant to a vacant electronic orbital of the
other, The rate at which this process occurs in an appropriate atomic
configuration depends upon the extent of overlap of the two orbitals.
Some measure of this can perhaps be inferred from the interaction of two
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occupied orbitals in adjacent hydrated ions in a crystal lattice. A quanti-
tative measure of this interaction is derived from the interaction of the

electron spins in the two ions, which in turn determines certain magnetic
properties. Thus, an adequate quantitative theory for the latter phenomena

may effectively contribute to the solution of the electron transfer problem.

One other example of electron transfer processes may be singled out
for special mention. The visible and ultraviolet absorption spectra of
halide ions in aqueous solution differ quite markedly from those in crys-
tals. The absorption process was interpreted37 in terms of an electron
transfer from the ion to the adjacent solvent. Applying the Franck-Condon
principle and detailed electrostatic considerations to the problem, Platz-
man and Franck’ obtained excellent agreement between experimental
and calculated positions of the absorption bands. This theory is also
indirectly pertinent to the theory of the transfer of an electron from a
univalent anion to an oxidizing agent,:"4 since both quantitative formu-

lations have certain assumptions in common,
In conclusion, it can be said that an understanding of electron transfer

processes certainly will not be gained by the application of a single
technique. Instead, the use of kinetic, electrochemical, crystallographic,
magnetic, and spectroscopic methods will each contribute to the solution
of the problem. This general field, therefore, promises to be a fruitful
one for increased co-operation between physical chemists, organic chem-
ists, and physicists.
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