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The oxidation of oxalate has been studied in dipolar aprotic solvents. The
process is characterized by two voltammetric oxidation peaks and proceeds by
a dissociative electron transfer mechanism, in which two carbon dioxide molecules
are formed with consumption of 2 F mol~!. Voltammetric and convolution
analyses of the first peak are in agreement with a stepwise mechanism in which
a radical anion forms and then undergoes C-C bond cleavage. By analysis of
the potential dependence of the transfer coefficient a, the standard potential was
estimated to be 0.06 V vs. SCE in DMF. The carbon dioxide molecules released
at the first peak interact with the starting material itself to form an adduct that
can be oxidized at the second peak. As a consequence, when the potential is
positive enough both the free and the complexed oxalate ions compete in the
overall electro-oxidation, as supported by convolution analysis of the heterogen-
eous electron transfer at the second peak. The voltammetric pattern is quite
sensitive to the presence of acids. In the presence of water, in particular,
considerable positive shifts of the actual potential for the oxidation of oxalate
were observed. This has been related to the formation of a water—oxalate adduct,
although the actual species undergoing the electro-oxidation seems to be always

the free oxalate ion. The consequences of this effect are discussed.

The electrochemical oxidation of carboxylates, RCO,~,
has received much attention as a convenient and versatile
way of preparing coupling products, R-R. The process
is known as the Kolbe electrosynthesis and several
reviews are available in the literature.!™ This electrode
process has been extensively investigated and most mech-
anistic aspects are now sufficiently clear. Whereas the
majority of the studies were carried out in aqueous or
alcoholic solutions using Pt electrodes, where substantial
modification of the electrode surface is caused by adsorp-
tion of reactants and intermediates, the electro-oxidation
of carboxylates in dipolar aprotic solvents has been
much less investigated. However, basically the same re-
action mechanism as in aqueous or alcoholic medium
is assumed.® It is generally accepted that the Kolbe
electrosynthesis of coupling products R, follows a free
radical sequence initiated by electron transfer from the
carboxylate to the electrode, leading to the formation of
CO, and the radical R’ [eqn. (1) or eqn. (2)], followed
by the coupling reaction [eqn. (3)].

RCO,” —e »RCO, - R’ +CO,
RCO,”  —e >R’ +CO,

(1
2)
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R +R —»R-R (3)

It is not clear, however, whether the species undergoing
the actual chemical reactions are adsorbed or free radicals
in solution.!=*%2<4:6 ] jkewise, the mechanism of the
oxidative C-C bond cleavage has been matter of discus-
sion.>>”7:® In fact, the oxidation could involve the forma-
tion of RCO," as a discrete, though labile, intermediate
[egn. (1)], or electron transfer and carbon—carboxyl bond
cleavage could be concerted [eqn. (2)]. Indeed, it should
be remembered that the dissociative oxidation of carb-
oxylates was considered as the first possible example
(together with the dissociative reduction of alkyl halides)
of a concerted electron transfer—bond fragmentation
reaction.®® Although there are reactions in which oxi-
dative decarboxylations are represented as concerted
processes’® or where irreversible modification of the
electrode surface prevents any mechanistic analysis,>
clear evidence for the transient formation of the RCO,’
radicals in homogeneous reactions has sometimes been
obtained. In fact, a number of studies based on flash
photolysis experiments provided measurable lifetimes for
acyloxyl radicals generated either from photodecomposi-
tion of dibenzoyl peroxides, peresters, and esters or by
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photoinduced electron transfer from carboxylate ion to
appropriate acceptors.!'™!3 Although the C-C cleavage
rate constants so far determined are usually very large
(10°-10'" s71),'213 jt was found that decarboxylation of
aroyloxyl radicals can be relatively slow, the rate con-
stants being of the order of 10°s~'.!! On the basis of
the present state of the art we thus conclude that it seems
rather unlikely that oxidative decarboxylations proceed
according to a concerted dissociative mechanism.

The electro-oxidation of the oxalic acid system is
peculiar with respect to that of other mono- or
di-carboxylic acids in that it proceeds with formation of
two CO, molecules in an overall two-electron process.
This happens upon oxidation of oxalic acid in aqueous
solutions at both Pt and Au electrodes!* or of oxalate in
aprotic solvents (MeCN and Me,SO)."® It was reported
that the electro-oxidation of C,0,2~ in MeCN is charac-
terized by a single well-defined irreversible voltammetric
peak at Pt and glassy carbon electrodes.'**° The process
does not appear to involve adsorbed species. This is an
interesting feature if we consider that, e.g., the electro-
oxidation of arylacetic acids has been shown to lead to
derivatization of carbon surfaces.>® In connection with
an on-going study on the kinetic and thermodynamic
characterization of the relevant intermediates formed in
the electrochemical reduction of carbon dioxide in
dipolar aprotic solvents, such as oxalate itself,! we
observed that the voltammetric oxidation of C,0,2~ at
Pt, Au or glassy carbon electrodes gives rise to two
irreversible anodic peaks. We found also that the relative
heights of the two oxidation peaks are strongly affected
by the presence of CO,, even when present at very low
concentrations. These findings prompted us to investigate
in detail the mechanism of the anodic oxidation of the
oxalate ion in N,N-dimethylformamide (DMF) and
MeCN. Since we also found no evidence for adsorption
of reactant or oxidation intermediates, particular focus
was put on unraveling the mechanism of the heterogen-
eous process, in an attempt to test the Savéant theory of
dissociative electron transfer!” on this type of system.
This is an interesting issue because the only clear-cut
examples of concerted dissociative electron transfers have
been found in the field of reductive processes, in particu-
lar the reduction of alkyl halides'®'® and of peroxides.?°
On the other hand, as previously mentioned, electro-
oxidation of carboxylate anions has sometimes been
described as a likely example of dissociative electron
transfer.®® To date, however, no experimental system
has been studied from this point of view by using the
necessary theoretical background and the methodologies
nowadays available. In this framework, the oxalate anion
is a peculiar carboxylate, liable in principle to undergo
a concerted dissociative oxidation. In this paper we
report the results that we obtained by studying the
electro-oxidation of C,0,2~ in DMF and MeCN, using
glassy carbon electrodes. The oxidation was analyzed by
using both conventional voltammetric criteria?! and the
convolution approach,?? a convenient and powerful
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method to obtain relevant information on heterogeneous
dissociative electron transfers.?%4%23 In addition, we
carried out some electro-oxidation experiments in the
presence of foreign acidic species, such as carbon dioxide,
water, or trifluoroethanol, to obtain complementary
information on the investigated process.

Experimental

Chemicals. N,N-Dimethylformamide (Janssen, 99%) was
purified as previously described.?*® Acetonitrile was dis-
tilled over CaH, and stored under an argon atmosphere.
The supporting electrolyte was tetraethylammonium
perchlorate (Fluka) that had been recrystallized twice
from ethanol and dried at 60°C under vacuum.
Tetrabutylammonium oxalate ([BuyN],C,0,) was pre-
pared by neutralization of oxalic acid with tetra-
butylammonium hydroxide in water, followed by
evaporation and drying at 60°C under vacuum. The
resulting white solid is hygroscopic and thus stock solu-
tions in DMF or MeCN were prepared, under a nitrogen
atmosphere, from the freshly dried salt. The effective
concentration of [Buy,N],C,0, in the stock solutions was
determined by titration with KMnO, according to a
known procedure.** HC,0,~ was generated in situ by
adding an equivalent amount of perchloric acid to a
solution of C,0,% . CO, solutions were prepared by
saturating the solvent with appropriate mixtures of CO,
and argon, as previously described.?

Electrochemistry. The glassy carbon (Tokai GC-20) elec-
trode was prepared and activated before each measure-
ment as previously described.?*® The reference electrode
was Ag/Agl/Bu,NI 0.1 M DMF, calibrated after each
experiment against the ferrocene/ferricinium couple; in
the presence of 0.1 M Et,NCIO,, Eg. g+ is 0.475 and
0.450V versus the KCI saturated calomel electrode
(SCE) in DMF and in MeCN, respectively.?*® Since the
oxidation of ferrocene and that of oxalate partially
overlap, calibration was carried out after neutralization
of oxalate with perchloric acid. In the following, all of
the potential values are reported against SCE. The
counterelectrode was a 1 cm? Pt plate. Controlled-poten-
tial bulk electrolyses were performed in a divided cell
using a glassy carbon (Tokai GC-20) rotating cylinder
or a platinum grid as the working electrode. Electro-
chemical measurements were conducted in an all glass
cell, thermostatted at 25°C. The electrochemical instru-
mentation employed for the electrochemical experiments
was EG&G-PARC 173/179 potentiostat-digital coulom-
eter, EG&G-PARC 175 universal programmer, Nicolet
3091 12-bit resolution digital oscilloscope, and Amel
863 X/Y pen recorder. Feedback correction was applied
in order to minimize the ohmic drop between the
working and reference electrodes. The confidence in
the correction was judged as previously described.?%¢ In
most of the experiments, the cyclic voltammograms were
recorded in a selected potential range and for scan rates



ranging from 0.1 to 200 Vs~! (first in the absence and
then in the presence of the carboxylate) by the digital
oscilloscope (digitalized 1 point/mV) and then trans-
ferred to a PC. The background-subtracted curves were
then analyzed by conventional voltammetric criteria?! or
the convolution approach,2%?2 using our own laboratory
software.

Results and discussion

The voltammetric oxidation of C,0,2~ gives rise to two
irreversible oxidation peaks in either DMF or MeCN.
Typical peak potential (E,) values measured at the first
peak for different scan rate (v) values are reported in
Table 1, together with other electrochemical data. The
electrode material of choice was glassy carbon. On this
electrode material, no complications due to surface inter-
action of the substrate and/or of its oxidation inter-
mediates were apparent in the voltammetric behavior. In
fact, the voltammetric pattern was reproducible over a
prolonged period of time and no passivation of the
electrode was observed upon repetitive cycling of the
potential in the explored range. We noticed, however,
that the position of the first peak was very sensitive to
the water content of the solvent, an aspect that will be
discussed later on. Figure 1 shows typical cyclic voltam-
metry curves for the oxidation of C,0,2” in DMF. The
voltammograms, corresponding to two quite different
scan rates, illustrate that when v is increased, the second
oxidation peak decreases significantly relative to the first.
Neither of the two peaks displayed any trace of reversibil-
ity at the maximum scan rate employed, 200 Vs~ ',
Similar behavior was observed in MeCN, although the
second-to-first peak ratio was found to be slightly smaller
compared with DMF, under otherwise identical
conditions.

Figure 2 shows the dependence of the peak current (i)
of the first peak on v. The plot is given in the form of
i,/(av)'? to take into account both the effect of v on the
diffusion rate and to minimize the potential dependence
of a (see below). The plot shows that the normalized
current increases significantly with v. This increase is in
agreement with the occurrence of a parent—child reaction,
i.e. of a reaction between an electrogenerated species and

Table 1. Cyclic voltammetric data for the oxidation of oxalate
in DMF and MeCN containing 0.1 M Et,NCIO, at the glassy
carbon electrode. T=25°C.

(0E,/dlog v)/ o

Solvent v/ E,/
v mV decade ™!

AEp/Z/ aa
Vs™? mV

DMF 0.1 0.046 84 0.57 80.9 0.37
1.0 0.123 96 0.50
10 0.196 104 0.46

0.202 111 0.43 737 0.40
1.0 0273 127 0.38
10 0.343 140 0.34

2From AE,,;=1.857 RT/Fo. "From 9E,/d log v=1.15 RT/Fa.
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Fig. 1. Cyclic voltammetry curves for the oxidation of 1.0 mM
C,0,2~ in DMF-0.1 M Et,NCIO, at a glassy carbon electrode.
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Fig. 2. Dependence of the current function i,/(av)}"? on log v
for the oxidation of 1.0 mM C,0,2~ in DMF-0.1 M Et,NCIO,
at a glassy carbon electrode.

the starting material.?® Because of the resulting partial
deactivation of the starting material, which becomes non-
clectroactive at the working potentials, this type of
reaction is characterized by an apparent number of
exchanged electrons that is less than expected on the
basis of the electrode stoichiometry. However, provided
the timescale of the experiment is short enough, the effect
of parent-child reactions can be minimized. This is
accomplished by increasing v, as shown in Fig. 2.
Moreover, these reactions are bimolecular processes and
thus are sensitive to concentration. This is illustrated by
Fig. 3, which shows how, at a given scan rate, an increase
of the analytical concentration C* causes a decrease of
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Fig. 3. Dependence of the current function i,/C* on log C*

for the oxidation of C,0,2” in DMF-0.1 M Et,NCIO, at a
glassy carbon electrode. Scan rate=0.2V s ".

the ratio i,/C*. The parent--child reaction can be outrun,
in principle, if C* is rendered small enough.
Coulometric measurements were carried out at a con-
stant potential just beyond the first voltammetric peak
by using both platinum and glassy carbon electrodes.
Electrolysis of a 1072 M solution of the oxalate salt, in
either DMF or MeCN, required ca. 2 F mol ™!, in agree-
ment with the data previously reported on the formation

of two CO, molecules per oxalate ion,'*®¢ as shown
in eqn. (4).
C,042 —2e—-2CO0, 4)

Apparently, this is in contrast with the occurrence of
a parent—child reaction on the much shorter voltammetric
timescale. However, such an experimental outcome is in
agreement with the deactivation reaction being reversible.
Since the electrode process leads to CO,, the reaction of
oxalate with CO, to form an adduct was readily consid-
ered to be the most likely process. This was expected to
lead to stabilization of the oxalate anion, thus causing
its oxidation to occur at more positive potentials.
Figure 4 shows the effect of dissolved CO, on the electro-
chemical oxidation of C,0,%2". The increase of the CO,
concentration causes a dramatic effect on the relative
height of the two peaks (in either DMF or MeCN):
while the first oxidation peak decreases until its dis-
appearance at high CO, concentrations, the second one
increases to form a well-developed peak (at saturation
and 0.1 Vs™', E,is 0.76 and 0.87 V in DMF and MeCN,
respectively). The latter has a similar height to that of
the first peak in the absence of CO,, although it is
broader. It is noteworthy that, when the solution is
purged of CO, (by bubbling argon for ca. 20 min), the
original voltammetric response of C,0,%” is restored.
All these observations indicate that the reaction taking
place between CO, and the oxalate ion is reversible
[eqn. (5)] and leads to the species that is oxidized at the
second peak.

CO, + C,02~ = CO0,,C,0,2~ (5)
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Fig. 4. Cyclic voltammetry curves for the oxidation of 2.0 mM
C,0,%" in MeCN-0.1 M Et,NCIO, at a glassy carbon elec-
trode, obtained in the absence ( ) or in the presence of
CO,: [COz1=2.1mM (-—-); [CO,1=10.2 mM (- ); [CO,]1=
280 mM (-—-—- ). Scan rate=0.2Vs™.

Comparison with the curve obtained in a solution
containing HC,O, (at 0.1 Vs™'. £, is 0.94 and 1.04 V
in DMF and MeCN, respectively) allowed us to exclude
this as the species responsible for second peak of C,0,2".
This had to be checked because the second peak had
previously been attributed to the oxidation of HC,O,~
to yield CO,.’> The monoanion was assumed to be
formed by reaction of C,0,2~ with the residual water in
the solvent [eqn. (6)]. This equilibrium was supposed to
be driven to the right thanks to trapping of OH™ by the
carbon dioxide produced during the oxidation of C,0,2~
at the first peak [eqn. (7)].

C,0,°~ +H,0=HC,0,” + OH" (6)
CO, +OH™ =HCO;" 7

On the other hand, equilibrium (6) is quite unfavor-
able: the equilibrium constant was calculated to be
8 x 107 !¢ by using the pK, values of H,0 and of HC,0,"~
in DMF (31.7 and 16.6, respectively).?” In addition, the
voltammetric pattern of C,0,2” in a CO,-saturated
solvent is unaffected by the presence of H,O up to 1 M
concentration. In particular, no tendency to form an
oxidation peak coincident with that of the monoanion
was observed.

On these grounds, the oxidation of C,0,>~ was ana-
lyzed from the point of view of the kinetics of the
heterogeneous electron transfer. The first peak potential
shifts toward more positive values when the scan rate is
increased and a linear variation of Ej, as a function of
log v was observed in both solvents. The slopes of the
E,—log v plots (Table 1) are large, pointing to the hetero-
geneous electron transfer as the rate-determining step.
The transfer coefficient was calculated from these slopes
and also from the half-peak width (AE,,) values
(Table 1), according to the equations valid for an irre-
versible clectron transfer.?! For both solvents an import-



ant observation on the electron transfer mechanism is
that the o value obtained from the AE,, measurements
decreases when v increases. In particular, since upon
increasing v the irreversible voltammetric peak shifts
toward more positive potentials and broadens, cyclic
voltammetry indicates that o decreases when E becomes
more positive. As a consequence, the Butler—Volmer
kinetic law,?! in which o is assumed to be constant at
any E value, cannot be used to describe satisfactorily the
electrode process. The heterogeneous electron transfer
was thus studied by using a more sophisticated approach,
the convolution analysis.2022

The convolution analysis is based on a series of steps
in which background-subtracted cyclic voltammograms
are first treated to transform the real current i into a
convoluted current /. [ is then used together with i to
obtain the potential dependence of the heterogeneous
electron transfer rate constant, k., without the need of
defining the electron transfer rate law. Provided the
electrode process is irreversible, eqn. (8) is used

In kye = In D2 — In{[h, — I(D))/i(1)} (8)

where D is the diffusion coefficient and 7, is the limiting
value of I attained when the electrode process becomes
diffusion controlled.?? Afterwards, the potential depend-
ence of k. is analyzed to obtain the corresponding
potential dependence of a, through eqn. (9),

o= (RT/F) 3 In kyo JOE 9)

which derives from the fact that o is defined as
OAG?/dAG°, where AG” is the free energy of activation
and AG® the free energy of the reaction. Actually, both
kyee and o data should be corrected for the effect of the
electric double layer. However, apparent data seem to
provide a reasonable estimate of the actual para-
meters,?°¢ also in view of the preliminary results
obtained on the double layer properties of glassy carbon
in DMF.%
The background-subtracted i~E curves pertaining to
the electro-oxidation of C,0,2~ in anhydrous DMF were
" thus treated to obtain the corresponding /-E curves. The
procedure was carried out for several values of v in the
range 0.1-50 V s~ and was repeated in separate experi-
ments by using different samples of [Bu,N],C,0, to
check the reproducibility of the results. A typical convo-
lution voltammogram is shown in Fig. 5, together with
the corresponding linear scan voltammetry. As can be
seen the I-E plot does not reach a plateau, as would be
expected for an uncomplicated process.?? Instead, the
convoluted curve is peak-shaped. This is for the same
reason why the peak in the i—F curve is sharper than a
normal diffusion-controlled peak. In fact, the parent—
child reaction causes the concentration of C,0,2" in the
reaction layer to drop with respect to the values expected
for an electrode process in which the starting material is
destroyed only because of the heterogencous electron
transfer.2® This effect is less pronounced at high values
of v, when the timescale of the experiment is short

DISSOCIATIVE OXIDATION OF OXALATE
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Fig. 5. Convolution (-—-) and background-subtracted vol-
tammetric ( ) curves for the oxidation of 1.0 mM C,0,2~
in DMF-0.1 M Et,NCIO, at a glassy carbon electrode. Scan
rate=1Vs™\.

enough that the chemical reaction occurs to only a small
extent. This caused the logarithmic analysis, which
requires knowledge of the value of I, [see eqn. (8)], to be
more difficult than in other investigations.20¢-¢-23:2° On
the other hand, provided there are no specific heterogen-
eous effects, it is also true that at any given E the same
kye: should be obtained, to within error, from measure-
ments performed at different scan rates. In addition, the
error on In k., due to imprecision on /; is more pro-
nounced at the E values at which I is larger [eqn. (8)].
We found that a good approach was to start by making
a reasonable estimate of I,,' for each set of I-E data
pertaining to the various scan rates. In this way one
obtains an initial set of In ky—F values. By weighting
more the less positive E values of each data set, compar-
ison between the different sets allows one to select a
better 1; value for each scan rate. By this simple interact-
ive procedure, an overall In ky,—F plot, encompassing
all of the employed scan rates, can be obtained. The
procedure was carried out separately for different experi-
ments leading to a very good agreement between the
correponding sets of data. As already discussed,? this
agreement provides an a posteriori indication that the
ohmic drop correction was properly adjusted in the
acquisition of the experimental curves. In fact, improper
ohmic-drop compensation leads to both a negative shift
and a broadening of the voltammetric curves; in terms
of the convolution output, this would result in poor
overlap of the In k,—FE plots obtained in the same
potential range at different scan rates. The convolution
procedure was carried out also for the single peak
observed after saturation of the solution with CO,, i.e.
under the conditions in which only the second peak is
observable (cf. Fig. 4). The analysis of these experiments
was easier than above in that a relatively good plateau

tSince L,=nFAD'Y>C*,?* where n is the overall electron con-
sumption, it should be independent of the scan rate. In
practice, however, the occurrence of the parent-child reaction
causes n to vary between 1 and 2 as a function of v.2® Under
these conditions, /; too is dependent on v.
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Fig. 6. Potential dependence of the transfer coefficient o for
the oxidation of 1.0 mM C,0,%2~ in DMF-0.1 M Et,NCIO, at
a glassy carbon electrode. The o data pertain to experiments

carried out at scan rates in the range 0.1-50 Vs~ either in
the absence ([J) or in the presence of 0.20 M CO, (O).

was obtained at any scan rate, the /; value being inde-
pendent of the scan rate to within 3%. Derivatization
was accomplished by linear regression of the In k., E
sets within small E intervals (21 to 29 mV). In this way.
both linear and non-linear potential dependences of x
are detectable.?°¢ The result of the o analysis, carried
out independently for the first and the second peak, is
shown by Fig. 6.

Let us consider first the main oxidation peak. In
general, the experimental observation of a potential
dependence of o, beyond experimental error, suggests
that a Marcus-like quadratic activation-driving force
relationship may adequately describe the experimental
behavior.?%-3° In fact, the kinetics of both the stepwise
[eqns. (10), (11)] and concerted [eqn. (12)] oxidation
mechanisms can be described by eqn. (13),

C,0.2" —e - C,0, " (10)

C204'7 _’COZ +C02._ (11)

C,0,2" —e - CO, +CO, " (12)
AGo 2

AG* =AGI |1+ —= 13

G°< +4AG;) (13)

where AG{ is the intrinsic barrier, i.e. the activation free
energy at zero driving force. Whereas the intrinsic barrier
of a simple outer sphere electron transfer [such as
eqn. (10)] is ruled by solvent and intramolecular reorgan-
ization energies, A (4AG§ =1), that of a concerted disso-
ciative process [such as eqn.(12)] also contains a
significant contribution from the BDE, i.e. the dissoci-
ation energy of the breaking bond (4AG§ =BDE+1)."7

Provided only one electron transfer mechanism, obey-
ing the simple rate-free energy law (13), takes place
upon electro-oxidation of the substrate in a certain
potential range, the transfer coefficient o is dependent
upon the driving force and thus the applied potential E
according to eqn. (14), where the effect of the double
layer has been neglected. Equation (14) contains three
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aspects that are worth noting. First, a=0.5 when E=
E°. Second, a is a linear function of E. Third, the slope
is inversely proportional to the intrinsic barrier.

a=0.5—

SAGT (E—E°) (14)

The fact that most of the o data are close and some
of them even larger than 0.5 is per se a good, though
qualitative, indication that the dissociative electron trans-
fer mechanism is stepwise.'” However, on the basis of
the experimentally determined potential dependence of
o, a more quantitative analysis can be carried out. The
experimental o data, which are satisfactorily linear in the
investigated potential range (Fig. 6), allow us to estimate
both the standard potential for oxalate oxidation,
+0.06 V (mostly because of the double layer approxi-
mation, the uncertainty is estimated to be +0.1 V), and
the intrinsic barrier, 3.7 kcal mol~!. The latter figure
corresponds to an overall reorganization energy of
14.8 kcal mol ™. This value can now be compared with
the solvent reorganization energy, A,, which can be
calculated by using either the Marcus approach [A,=¢?
(1/e,, — 1/g)/4r], where e is the charge of the electron
and &, and ¢ are the high frequency and static dielectric
constants of the solvent) or the empirical equation A,=
55.7/r, as previously discussed.?% The radius r of oxalate
was roughly estimated by using the experimentally deter-
mined diffusion coefficient of oxalate (determined
through the analysis of the 7, values) and the Stokes
equation, to be 2.6 A (a bit larger than expected, most
likely because of some ion-pairing with the tetra-
ethylammonium cations of the electrolyte). The solvent
reorganization energy A, values can thus be calculated
by using the above equations to be 14.8 and
21.5 kcal mol™!, respectively. By comparison of the
above values it should be concluded that A, is the most
important energetic factor ruling the kinetics of the
heterogeneous process and, most important, that the
electrooxidation of oxalate is a stepwise dissociative
electron transfer [eqns. (10) and (11)]. More careful
analysis of the data, however, is required to assess the
mechanism.

An estimate of the standard potential for the corre-
sponding concerted dissociative oxidation of C,0,2~
[eqn. (12)] can be made by using the appropriate thermo-
chemical cycle,3! through eqn. (15).

ECo,,co, ~1c,0.2~ = BDFE/F + E¢o,c0,- (15)

where BDFE is the C-C bond dissociation free energy
in the oxalate anion. Whereas the standard potential for
CO, reduction has been estimated to be —2.21 V 6232
the BDFE value for C,0,% cannot be estimated because
of the lack of available thermochemical data. The stand-
ard formation enthalpies of the radical 'CO,H
(—52.7 kcal mol~1!) and oxalic acid (—175.0 kcal mol 1)
can be used,®® together with an entropy correction of
6 kcal mol 71,2% to estimate the C—-C BDFE of oxalic
acid to be 63.6 kcal mol™!. This value can be taken



as the maximum value of the BDFE of C,0,2” and
thus [eqn. (15)] poses a maximum positive limit to
Ego, co, ~jc,0,2- 0f 0.55V. This potential value is much
more positive than that determined experimentally,
0.06 V, and also to the position of the peak at any scan
rate employed. On the other hand, one might assume
that the experimentally determined value is that of a
concerted dissociative process. In this case, the BDFE of
C,0,2~ would be 52.2kcalmol™'. In principle, this
might be attributed to a decrease of the bond strength
on going from oxalic acid to its dianion. Even under this
assumption, however, and according to the Savéant
theory,!” the intrinsic barrier and the overall A would be
no less than 16.8 and 67 kcal mol ™!, respectively (these
are minimum values because we used the smallest values
of both BDFE and A, and neglected any inner reorganiza-
tion contribution to A). On one hand, however, such a
high value would mean a large activation overpotential
with the result of causing the experimental voltammetric
peak to appear at a potential much more positive than
that of E°. On the other hand, it would also mean that
00/0E<0.17 V™1, a slope much smaller than that deter-
mined experimentally, 0.78 V~!. The latter value, how-
ever, is not corrected for the double layer effect. In fact,
preliminary data on the double layer at the glassy carbon
DMF-Bu,NCIO, interface point to a potential of zero
charge of 0.19 V vs. SCE.?® Although the electrolyte is
not the same as in the present study, it is reasonable to
expect that, for the DMF-Et,NCIO, system, the vari-
ation of the diffuse-layer potential in the potential region
where the apparent o values were determined is also
significant. This source of uncertainty reduces the reliabil-
ity of the experimental intrinsic barrier computed
through eqn. (14).

The role of the intramolecular reorganization energy
A; can be estimated from the In k,—E data obtained
through eqn. (8). By use of the results obtained for E=
E°, the apparent value of the heterogenecous standard
rate constant, k°, was calculated to be 8.1 x 1073 cm s~ 1.
The reorganization energy was then calculated to be
. 32.3 kcal mol~! by using the Eyring equation and an
adiabatic pre-exponential factor Z=(RT/2nM)"*=
6.7 x 103 cm s~ 1. Taking into account the above estimates
of A, this would indicate that indeed A; accounts for
30-50% of A. Nevertheless, even this latter estimate
provides a A value much smaller than the minimum value
expected for a concerted dissociative electron transfer.
In conclusion, there is little doubt that the oxidation of
the oxalate anion proceeds according to the stepwise
mechanism given by eqns. (10) and (11).

A final comment concerns why 2; amounts to
11-18 kcal mol ~!. By using a thermochemical cycle, it is
possible to relate the difference between the BDFE of
C,0,%” and that of C,0, ~, BDFE,._,, to the estimated
standard potentials pertaining to the CO,/CO, ~ and
C,0, 7/C,0,%" couples [eqn. (16)]:

BDFE — BDFE,._) = F(E&,0, - jc,0:2~ — Ecoyco, -)
(16)

DISSOCIATIVE OXIDATION OF OXALATE

In this way, independently of the actual values of BDFE
and BDFE,. _, it appears that upon formation of C,0, ~
the C—C bond weakens by ca. 50 kcal mol ™! with respect
to C,0,2~. This effect is very similar to that found by
studying the stepwise dissociative electron transfer to
diaryl disulfides;?3® for these compounds, experimental
data and theoretical calculations concur to indicate that
the observed large A; is caused by significant stretching
of the S-S bond in the transition state. Although this
could also be possible in the present case, it seems more
likely that for oxalate the inner reorganization compon-
ent is mostly determined by substantial increase of the
O-C-O0 angle upon formation of the COO™ moiety.

Analysis of the kinetic data pertaining to the single
peak observed upon saturation of the solution with CO,
is more challenging. In fact, Fig. 6 shows that there is
no linear trend in the pertinent o data. On the other
hand, as stated above, a linear trend would be expected
if only one electron transfer mechanism takes place at
the electrode. This cannot be the case if we consider
equilibrium (5). Even though the equilibrium lies on the
right, some free oxalate is still present (Fig. 4, e.g.,
illustrates how high the CO, concentration must be in
order to suppress the first peak completely) and thus
oxidizable at the base of the voltammetric wave.
Moreover, oxidation of the free oxalate is liable to induce
further dissociation of the adduct, in particular at low
scan rates and thus on the longest timescales employed.
In fact, Figs. 1-3 witness the fact that the rate constant
for the formation of the adduct cannot be very large,
because at the highest scan rates the chemical complica-
tion is negligible. That the standard potential for oxida-
tion of the oxalate-CO, adduct is more positive than
that for the free oxalate anion (as is E,) is reasonable
because of the stabilizing interaction. This means that,
as the potential is rendered more positive, direct oxida-
tion of the adduct tends to become the only oxidation
process. Therefore, the o data obtained through analysis
of the second peak are not pure but apparent o data,
pertaining to an observed ky,, that is the sum of two
parallel contributions.

This kind of competition between distinct electrode
processes having different E° and (possibly) intrinsic
barriers is thus driven by the applied potential. In this
light, the two sets of o data shown in Fig. 6 pertain to
the same overall curve. The o data collected by studying
the second peak would provide the zone of transition
between pure oxidation of free C,0,%~ and pure oxida-
tion of its CO, adduct. This effect of E on a is similar,
though conceptually not equal, to that recently proposed
for the reduction of ferz-butyl 4-cyanoperbenzoate?* and
now extended to other perbenzoates.>* The main differ-
ence is that whereas in the case of reduction of perbenzo-
ates and also of some sulfur compounds3® the observed
transition (in terms of « or of the electron transfer rate
constant) is a transition between two mechanisms, con-
certed and stepwise, the transition proposed for oxalate
oxidation would concern the actual species undergoing
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the heterogeneous electron transfer and not the type of
mechanism. Unfortunately, in the case of the second
peak of oxalate, no linear region in the o-E plot could
be experimentally reached on the positive side of the E
range; this prevents further analysis of the data to obtain
information on the kinetic parameters characterizing the
oxidation of the adduct. It seems likely, however, that
even the oxidation of the adduct obeys a stepwise mech-
anism similar to that followed by the free oxalate.

The voltammetric behavior of C,0,2~ is highly influ-
enced by the presence of acids in solution. Addition of
1 equivalent of HCIO, causes the disappearance of both
oxidation peaks of the C,0,%” ion. They are replaced
by a new irreversible oxidation peak that is more positive
by ca. 0.2 V than the second oxidation peak of C,0,%"
(Fig. 7, dashed line). As mentioned above, this peak is
attributed to the oxidation of the hydrogenoxalate ion
HC,0,” formed by reaction of C,0,2~ with HCIO,.
Addition of another equivalent of HCIO, leads to the
disappearance of this peak because of formation of oxalic
acid. Under these conditions, no electroactivity is detect-
able in the available potential window. When a weak
acid such as trifluoroethanol (TFE). pK, (DMF)=
24.1,°*® is added to a solution of C,0,* . in either
DMF or MeCN, the first oxidation peak shifts toward
more positive potentials while the second one decreases
and disappears when the TFE concentration is ca. 1 M.
In addition, the first oxidation peak becomes much
broader (at 0.2 Vs™!, e.g., a decreases from 0.55, in the
absence of TFE, to 0.30, after TFE addition), pointing
to some change in the electrode mechanism. Addition of
H,0 to a solution of C,0,% causes a slight increase and
a positive shift of the first peak, E,, depending markedly
on the water concentration (Fig. 7). No oxidation peak
attributable to HC,0,~ was observed in the presence of
H,0, even at molar concentrations. Unlike the effect of
strong proton donors such as HCIO,, the observed
positive shift of the first peak points to a hydrogen-
bonding stabilization brought about by weak proton
donors, such as TFE and H,O. Figure 8 shows the effect
of the concentration of ecither TFE or H,O on the

E/IV

Fig. 7. Cyclic voltammetry curves for the oxidation of 1.1 mM
C,0,%2” in DMF-0.1 M Et,NCIO, in the presence of H,0 (solid
lines). From right to left: [H,01=0, 0.1, 0.2, 0.4, 0.8, and
1.2 M. The dashed line is the curve for the oxidation of
1.1 mM HC,0,". Glassy carbon electrode, 0.2V s~ .
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potential of the first peak relative to the E, value
measured in the absence of added acids, E,,. In this
framework, the large shift caused by TFE addition would
indicate that TFE is a better hydrogen-bonding donor
compared with H,O. This would be expected on the
basis of a simple pK, comparison.3®

The two slopes into which both the DMF and MeCN
E,—E,, versus log[H,0] plots can be broken may be
used to carry out a rough calculation to shed some light
on the interaction between oxalate and water. Their
reaction may be written as eqn. (17).

C,0,>” +¢H,0= [C204(H20)q]2_ (17)

In the hypothesis that, in the presence of H,O, the species
undergoing oxidation is still the free oxalate ion, the
consequence of equilibrium (17) is to force the oxidation
to take place at more positive potentials than in the
absence of H,0. This would be in agreement with the
pattern shown by Fig. 7. From a quantitative point of
view, the equilibrium constant K of reaction (17) and
the coordination number ¢ can be calculated by applying
the treatment previously derived for the analogous system
in which a metal cation. in equilibrium with its complex
with a certain ligand (in large excess with respect to the
cation), undergoes a slow heterogeneous electron trans-
fer.3” In this framework, the shift of the oxidation peak
of C,0,2” can be related to K and H,O concentration
according to eqn. (18),
RT D RT RT

E—E g=———1 I K+g In[H,0
v Epo=—5 gl T Ktas 0]

(18)

where E,, and E, are the peak potentials for the
oxidation of oxalate measured in the absence and in the
presence of H,O, respectively, and D’ is the diffusion

1.0

0.6 |-

0.4 }-

Ey-Epo IV

02}

0.0

log [HA]

Fig. 8. Dependence of the first peak potential for the oxida-
tion of 1.1 mM C,0,%2~ on the molar concentration of H,0
(O, MeCN; O, DMF) and TFE (A, DMF). The shift is
expressed relative to the peak potential, E,o, measured in
the absence of HA. Glassy carbon electrode, 0.2 Vs~



coefficient of the water-oxalate adduct. The fact that,
for both DMF and MeCN, the plot E,—E,, versus
log[H,0] displays two different slopes (Fig. 8) is consist-
ent with a variation of ¢ and thus with two different
adducts prevailing in solution depending on the concen-
tration of H,0O. The calculation was carried out using
the same a value independently of the water concentra-
tion (at 0.2 Vs~ !, ais 0.55 and 0.41 in DMF and MeCN,
respectively). The values of ¢ calculated in this way from
the slopes of the two linear segments are 2 and 4, in
either solvent. The stability constants for the two adducts
can be calculated by using eqn. (18). Although the
diffusion coefficients of the two adducts could not be
calculated, we may reasonably assume that the ratio
D/D’ does not differ too much from 1 [even if D=1.5D’,
the first term of the right-hand side of eqn. (18) is only
— 10 mV] and the corresponding term can be neglected.
The calculated values of K for the 2:1 and 4:1 adducts
are 2.7x10% and 5.0 x 10%, in DMF, and 1.9 x 10® and
1.0 x 10%, in MeCN, respectively. The uncertainty of the
K values is estimated to be 20-25%. Both the ¢ and K
values seem to be reasonable. For example, for moder-
ately large water concentrations, a g value of 2 reflects
that expected for a favorable hydrogen-bonding inter-
action leading to two six-membered systems
1-O-H:--O-C-O. On the other hand, although the
capability of the two solvents to solvate the oxalate
dianion should be similar (according to the acceptor
numbers of MeCN and DMF), smaller K values for
DMF are in line with DMF being superior to MeCN as
a hydrogen-bond acceptor.38

Conclusions

This is the first study in which the oxidation of a
carboxylate has been studied in detail from the point of
view of the concerted-versus-stepwise nature of the disso-
ciative electron transfer mechanism. Oxalate dianion was
chosen because of its peculiar structure and overall
stoichiometry [eqn. (4)] in an effort to obtain evidence
for a concerted dissociative oxidation, to parallel the
increasing literature on the corresponding dissociative
reductions.!”2° Instead, the voltammetric and convolu-
tion analyses led to unequivocal evidence for a stepwise
mechanism. Although the oxidation of oxalate dianion
is quite irreversible, the standard potential for the forma-
tion of the corresponding radical anion [eqn. (10)] could
be evaluated to be 0.06 V vs. SCE in DMF. This result
is worth noting because it seems to be the first non-
thermochemical estimate of the standard potential for
the oxidation of a carboxylate ion.

Besides the C-C cleavage reaction [eqn. (11)] and the
subsequent oxidation of the carbon dioxide radical anion,
other reactions may take place in solution depending on
the timescale of the experiment and the presence of acidic
species. The CO, molecules released during the oxidation
of C,0,%" interact with the starting material itself with
the formation of an adduct that can be oxidized at more
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positive potential values. As a consequence, when the
potential is positive enough, both the free and the
complexed oxalate ions compete in the overall electro-
oxidation. This is also supported by the non-linear
potential dependence of o observed in this E region,
providing an example of mechanism transition, although
different from those found by studying the dissociative
reduction of peroxides?°®** and sulfur compounds.>*

Besides these theoretical aspects, there are some prac-
tical ones that derive from the study of the effect of mild
acids on oxalate oxidation. The anodic oxidation of
oxalate to CO, has been previously suggested to be an
innocuous reaction suitable to be employed as a sacrificial
anodic process to be paired in cathodic electrosyntheses
in undivided cells.!>®? Obviously, in these cells, the actual
oxidation potential of the desired electrogenerated reduc-
tion product must be more positive than that of the
anodic depolarizer, e.g. oxalate, to ensure selective oxida-
tion of the latter. The presence of H,O in aprotic solvents,
however, causes considerable positive shifts of the actual
potential for the oxidation of C,0,2”. Use of oxalate
oxidation as a sacrificial anodic process in undivided
cells without attention to this effect may thus lead to
undesirable results, such as large cell voltages or partial
destruction of the reduction product. For similar reasons,
the potential shift caused by the presence in solution of
hydrogen-bonding species is liable to interfere in theoret-
ical studies concerning the electro-oxidation mechanism
of anions. In particular, potential shifts of this type may
affect the determination of the apparent standard poten-
tial of a dissociative oxidation. This would affect also
the reliability of the use of eqn.(15) to evaluate the
solution BDFE values, an approach that we have recently
used with success in the field of the reduction of
peroxides.2%
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