Journal of The Electrochemical Society, 2026 173 145501
1945-7111/2026/173(14)/145501/7/$40.00 © 2026 The Electrochemical Society (“ECS”). Published on behalf of ECS by IOP Publishing Limited. All
rights, including for text and data mining, Al training, and similar technologies, are reserved.

®

CrossMark

Acid-Base Catalysis and Kinetic Buffering in Stepwise Proton

Coupled Electron Transfer

Alexia Papageorgiou,!-?

Laurence Rongy,?

and Thomas Doneux!*

! Chemistry of Surfaces, Interfaces and Nanomaterials, Faculté des Sciences, Université libre de Bruxelles (ULB), CP 255,

1050 Brussels, Belgium

2Nonlinear Physical Chemistry Unit, Faculté des Sciences, Université libre de Bruxelles (ULB), CP 231, 1050 Brussels,

Belgium

In investigations of stepwise proton coupled electron transfer (PCET) reactions, it is often assumed, explicitly or implicitly, that
the proton transfer (PT) step is at equilibrium, meaning that the buffering conditions are examined from a strictly thermodynamic
perspective. In the present work, the implications of the Bronsted acid—base catalysis on the voltammetric responses of reversible
(fast electron transfer) electroactive species are examined in the context of a 1 e~, 1 HT square scheme, by numerical simulations
accounting explicitly for the PT kinetics. Depending on the pK,’s of the electroactive species and those of the buffer components,
PT kinetics can be slowed down to such an extent that voltammetric features akin to non-buffered conditions can appear even at
high buffering capacities. This kinetic buffering is intrinsically asymmetric, the PT rate being affected only in one direction as a

natural consequence of the Bronsted catalysis mechanism.

© 2026 The Electrochemical Society (“ECS”). Published on behalf of ECS by IOP Publishing Limited. All rights, including for
text and data mining, Al training, and similar technologies, are reserved. [DOI: 10.1149/1945-7111/ae86bf]

Manuscript submitted April 13, 2026; revised manuscript received June 24, 2026. Published July 16, 2026.

Supplementary material for this article is available online

Proton coupled electron transfer (PCET) reactions are ubiqui-
tous in chemistry, taking place in processes as diverse as oxygen
reduction reaction (ORR), CO; reduction, quinone electrochemistry,
enzyme catalysis, organic electrosynthesis or photosynthesis.'™ In
the electrochemistry literature these PCET reactions are classically
analyzed on the basis of square schemes such as that illustrated in
Scheme 1 (left) fora 1 e, 1 H" process.>*~!! This square scheme
is restricted to stepwise pathways whereby the electron and proton
transfer reactions proceed through distinct, consecutive elementary
steps; it does not consider the diagonal pathway from P to QH™
which corresponds to a concerted PCET.!?

Upon examining the various parameters that can influence the
kinetics of the stepwise PCET reactions, the emphasis is almost
exclusively on the electron transfer kinetics, under the assumption
that in aqueous solutions the proton transfer steps are extremely fast
(at the “diffusion limit”, for which the bimolecular encounter rate is
kp ~ 10" M~ s7!'3) and can be considered at equilibrium. The
influence of the pH is thus examined from a purely thermodynamic
perspective, whereby the buffered or non-buffered conditions are
dependent on the mass-balance and mass-transport of the electroac-
tive species and proton donors/acceptors present in solution. If such
an assumption of extremely fast kinetics is obviously sensible in
many cases, proton transfer (PT) reactions being among the fastest
known, it is arguably not always the case, and one can imagine sit-
uations where the proton transfer rate might be the limiting step of
a PCET process. For instance, some electron transfer (ET) reactions
such as aromatic hydrocarbons reductions for which self-exchange
rate constants larger than 10° M~ 57!, i.e. close to the diffusion
limit, have been reported.14'1° In other situations, the PT dynamics
can be slowed down to such an extent that the reaction mechanism
is changed. An early example of such an effect was the demonstra-
tion that on mercury electrodes in basic aqueous solutions, where the
first step of the ORR is the 2 e~, 1 HT reduction to the hydroper-
oxide anion, the presence of a compact layer of the hydrophobic
a-quinoline hindered the PT and changed the mechanism to the le™
reduction to superoxide.'”*'® More recently, it was shown that the
ORR mechanism and hence the speciation of the reduction products
could be finely controlled by modulating the PT kinetics across a
hybrid bilayer membrane.'® Another argument concerns the direction
of the proton transfer reaction: because the ratio of the forward to
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the backward rate constants is equal to the equilibrium constant, one
may envision that the reaction is extremely fast in one direction, but
rather slow in the opposite direction. In this latter context, it should
be pointed out that most PCET reactions takes place in buffered solu-
tions (or at least in the presence of proton donors/acceptors), so that
the PT steps actually follow a general Bronsted acid-base catalytic
mechanism. This fact is commonly overlooked in many reports on
PCET reactions.

In the present work, the influence of this acid—base catalysis
on sequential PCET reactions is examined with numerical simula-
tions in the framework of the 1 e~, 1 HT square scheme shown in
Scheme 1b, where the nature of the buffer component is explicitly
accounted for.

Results and Discussion

Chemical system.—Proton transfer reactions in aqueous solutions
are often assumed to be so fast as being at equilibrium. In numerical
simulations of electrochemical experiments (e.g. cyclic voltamme-
try), this situation is met either by adopting equilibrium boundary
conditions on the concentrations® or by setting “infinitely fast” rate
constants in the evolution equations. This latter case translates in
assigning a diffusion-limited rate constant for both forward and
backward proton transfer reactions (lelO s~land ~10"° M~! 571,
respectively). Although this procedure is successful in producing
voltammograms consistent with the equilibrium hypothesis, it is
not physically self-consistent. Indeed, let us consider the following
reaction:

ki
PH" — P+H'. (1]
k—1

Imposing equal rate constants for the forward and backward reaction
violates the condition of dynamic equilibrium:

ki

K, =
al kfl

(2]

where K,; is the acid dissociation constant of PHT and k; and k_,
are the forward and backward rate constants of reaction 1.

To ensure a physically relevant situation, the rate constant should
be set at the diffusion limit only for one direction (e.g. k_; ~ 10"
M~!'s™! ), and the value of the reverse rate constant is then calculated
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Scheme 1. Square schemes for a stepwise 1 e~, 1 HT stepwise transfer. Left. Non-catalyzed proton transfer reactions. Right. Bronsted-catalyzed proton

transfer reactions.

with Eq. 2. By doing so, physical self-consistency is achieved, but
voltammograms simulated with these rate constants fail to repro-
duce satisfactorily the actual experimental PCET voltammograms.
They appear far less reversible (slow kinetics) than the experimental
voltammograms that are often close to reversible (fast kinetics). This
discrepancy was already pointed in a publication,”® showing that the
buffer components should be explicitly accounted for through a gen-
eral acid—base catalysis effect. A PT step should thus be described
by a reaction of the type:

ky
PH" +B~ — P+ BH. [3]
k-,

Here again, the values of k| and k_, cannot be arbitrarily assumed
to be both at the diffusion limit, as was done in the aforementioned
publication.” Within the framework of the Bronsted catalysis, the
catalyzed rate constants are now linked through the relation:

ApKa = pKP"™ — pK,i = logk, — logk_, [4]

where KB is the dissociation constant of the buffer component
BH. If the catalyzed reaction is assumed to be diffusion-limited in
one direction, the rate constant in the reverse direction is then calcu-
lated from Eq. 4. Accounting for the Bronsted catalysis, the square
Scheme 1b instead of 1a is the relevant one. To address the influence
of the pH on the voltammetric behavior, it will be assumed that the
pH of the solution is imposed by the buffer composition, taken as an
equimolar mixture of BH and B™. As a consequence, pH = pKZir
and the rate constants are directly connected to the pH of the solution
and to the acid dissociation constants of PHT and QH' Scheme 2
depicts the evolution of the rate constants with pH for two acid/base
conjugates with pK, and pKj2, in the framework of the Bronsted
catalysis.

Model and numerical simulations.—A disk electrode is consid-
ered, and the two-dimensional system is modeled in axisymmetric
cylindrical coordinates (see Scheme 3), which gives effective three-
dimensional information around the axis of symmetry (axis Z).

The governing equations describing the evolution of the four
species of the square scheme (cf Scheme 1) as well as the buffer
components (BH/B™) correspond to reaction-diffusion equations.
Natural convection is assumed negligible and since the system con-
tains a concentrated supporting electrolyte, migration fluxes and
ohmic drops are neglected. Electron transfer steps are considered
at equilibrium (Nernst equation is used as a boundary condition at
the electrode surface) and the kinetics of the proton transfer steps
is studied. To integrate the equations numerically, the alternating

directional implicit method was used on a non-uniform grid in order
to have a higher density of spatial points around the electrode and
a lower one further in solution.”! The numerical code was veri-
fied in defined conditions by comparison with known expressions
(e.g. Randles—Sevéik (peak current), the theoretical peak-to-peak
separation between the cathodic and anodic peaks). The diffusion
coefficients of the electroactive species (P, PH" Q, QHT ) were
assumed to be equal, at a value of D = 3.2 107! m? s~!. This value
was chosen based on in-house measurements of the diffusion coef-
ficient of 8-hydroxypyrene-1,3,6-trisulfonic acid (HPTS),”> which
follows a fast electron transfer mechanism coupled to a proton trans-
fer step®** and could therefore be used for illustrating how buffer
solutions can impact the rate of the proton transfer via Bronsted
catalysis. For the buffer components (BH and B™) a value in the
tygical range of inorganic buffers was employed,”” D = 9.9 107'°
m® s~', whereas a value of D = 8.0 10~° m* s~ was used for HY
The complete details of the model and numerical integrations are
provided in Supporting Information.

Results of numerical simulations.—Comparison between cat-
alyzed and non-catalyzed reactions.—The impact of the acid—base
catalysis on cyclic voltammograms is evaluated by comparing sim-
ulations taking into account the effect of the catalysis (Fig. 1a)
and simulations of non-catalyzed reactions (Fig. 1b). The simulated
voltammograms depict a situation where the reduced species (Q
and/or QH™" depending on the buffer’s pH) is initially in solution and
the forward voltammetric sweep induces its oxidation. The diffusion-
limited rate constant, kmax, is assigned either to the forward or to the
backward reaction depending on ApK,. The value of pK,, = 7.2 is
fixed throughout this study, for HPTS as a reference molecule,*
while pK, will be varied.

There are three regions of pH to consider: pH < pKai; pKa <
PH < pKa; pH > pKy. For pH < pK, and pH > pKa» there is
no difference in the voltammograms between the catalyzed and non-
catalyzed situations. This is because the electrochemical pathway
involves only electron transfer steps, either from Q to P (pH < pKa1)
or from QHT to PH" (pH > pKy) and hence the proton transfer
kinetics play no role. However, for pKy, < pH < pK., different
behaviors are observed both in the peak shapes and intensities. The
pathway from Q (or QH™) is no longer a simple electron transfer
represented by a horizontal displacement in Scheme 1 but involves
also protonation steps. Figures 1c—1d show the comparison between
simulated voltammograms with and without catalysis at pH 5 and
pH 6, respectively.

The values of the rate constant, calculated at pH = 6 from Egs. 2
and 4, are compared in Table I. Reminding that the working pH
is equal to pK®"™ at pH = 6, ApK, = 3 and ApKy =—1.2
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Scheme 3. Sketch of the 2D axisymmetric system used in the numerical
simulations. The axis R is along the plane of the electrode while the axis Z
is perpendicular to the electrode. Zmax and Rmax are the boundaries of the
system.

(see Eq. 4). In the first case, the rate constant for the deprotona-
tion is more important than for the protonation while for the second
this is the opposite.

Without catalysis, the voltammograms are far less reversible, as
inferred from the larger peak-to-peak separation between the anodic
and cathodic peaks. Upon examining the cyclic voltammograms at
pH = 5 and pH = 6 (Figs. 1c—1d), we see that the peak which is
the most affected by catalysis is the anodic peak at pH = 6, whereas
at pH = 5 it is the cathodic peak. This can be explained through
the taken pathway (see Scheme 1). At pH = 6, the initial ratio
cou+/cq ~ 10 (pKwy = 7.2), regardless of whether the catalyzed or
non-catalyzed reactions are considered. While k_, and k", are iden-
tical in both cases ( = 10'® M~!s™!), the reverse reaction rate k, is
much larger in the catalyzed case than k, in the non-catalyzed case
(see values in Table I). The interconversion between Q and QH™ is
thus fast (in comparison to the voltammetric timescale) with cataly-
sis and rather slow without catalysis. As a result, because of the slow
chemical reaction, the oxidation step in the non-catalyzed reaction
involves two distinct species, Q and QH ™ thus leading to a convolu-
tion between two voltammetric peaks and the eventual manifestation
of a rather broad peak. At pH = 5, because the oxidation step mostly
involves species QH™ in both cases (cou+/cq =~ 100), there are not

many differences in the oxidation peak considering either the cat-
alyzed or non-catalyzed reactions. However, the behaviors differ in
the reduction step. Indeed, the reverse pathway is PHT — P — Q
— QH™ Therefore, it implies the rate constants k, or k;, which is
larger in the catalyzed reaction (10'° s~' compared to 10’ s™"). In
conclusion, the voltammograms are more reversible when the buffer
catalysis is taken into account because the ratio of the rate constants
of protonation and deprotonation is smaller (the important param-
eter is ApK, and no longer the absolute pK, of the couple). This
highlights theoretically the effect of buffer catalysis on this system.

Influence of the chosen rate constants and scan rate
combination.—Reaction reversibility in the context of cyclic voltam-
metry does not only depend on the sole value of the rate constant
but also on the relative timescales between the chemical reaction
and the cyclic voltammetry experiment. The timescale of a chemical
reaction is related to the reaction rate constant k by the relation 1/k
(considering a 1st or pseudo-1st order reaction) while the voltammet-
ric one is expressed by R7/Fv, where v is the scan rate. Therefore, a
given chemical reaction can appear either slow or fast depending
on whether the scan rate is very large or very small. The rela-
tive timescales are usually quantified by the introduction of the
dimensionless kinetic parameter A defined as:*

RT k
/\775' [5]

Here, two chemical reactions are considered, but because we have
imposed an identical maximum rate constant kmax to both reactions,
a unique value of A\ is employed where k = kmax. The values of the
other rate constants are recalculated for any given value of ApKy
and ApK,,. With this methodology, simulated dimensionless voltam-
mograms will be identical if k and v are varied in such a way that
their ratio, and hence the value of ), is kept constant (all other param-
eters being unchanged). This is illustrated in Fig. 2. The central panel
is a plot of the anodic and cathodic peak potentials as a function of
the pH (equal to the pK, of the buffer), determined from voltam-
mograms simulated at each pH with three different sets of (kmax,
v) values but an identical value of A. To build this diagram, we
performed numerical simulations in order to obtain cyclic voltam-
mograms at regular pH intervals. The plotted values of E correspond
to the peak potentials of the oxidation and the reduction peak of each
simulated cyclic voltammogram. The data points for the three series
are perfectly superimposed, which demonstrates that at a given pH,
the peak positions depend directly on the value of A and not on the
individual values of kmax and v. Even though the two chemical reac-
tions (P-PH" ) and (Q-QH™ ) are not equally catalyzed at a given
pH, since the rate constants are defined on the basis of ApK,, the
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Figure 1. Cyclic voltammograms (a) with the integration of Bronsted catalysis and (b) without taking into account the Bronsted catalysis, for different values
of the pH of the solution. Comparison between catalyzed and non-catalyzed voltammograms at pH = 5 (c) and pH = 6 (d). The voltammograms are simulated
with kmax = 100 (units depend on the mechanism) at a scan rate equal to 1 V s—L pKa1 = 3 and pKyp = 7.2.

increase/decrease of kmax is identical for both chemical reactions, as
is the influence of v, making A a relevant dimensionless parameter.

Peak potentials vs pH diagrams are very convenient to illustrate
the evolution of the reversibility of the electrochemical reaction by
providing individual information on the evolution of both anodic
and cathodic peaks. For the sake of the discussion, the simulated
voltammograms are displayed for four selected pH. The upper left
CV corresponds to a pH of 1.0 and the bottom right CV is for pH
9.0. Both of these CV appear reversible, which is obvious because
they involve only electrochemical reactions (horizontal steps in the

square schemes) since they take place at pH < pKa (pH = 1.0,
PH' = QH") or pH > pK. (pH = 9.0, P = Q). By contrast, at
pH = 4.6 (bottom left) and pH = 5.6 (upper right) the voltammo-
grams are no longer reversible and differ markedly in their respective
morphologies. At pH = 4.6, a single sharp anodic peak is observed
at a potential close to the theoretical value expected for a fast pro-
cess (see the E—pH diagram) but the cathodic response is broad and
has a peak potential significantly shifted in the negative direction
from the theoretical reversible value. At pH = 5.6, the situation is
reversed, i.e. the anodic peak is broad and irreversible while the
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Table 1. Values of the rate constants with and without taking into account Bronsted catalysis at pH =
6. k_j and kj are the protonation and deprotonation rate constants, respectively.

pKa With catalysis Without catalysis
pKai K 107 M~1 57! k_, 1010 M1 5!
(3.0 k 1010 M1 5! k, 107 s~!
PKa K, 1010 M1 5! k_, 1010 M1 5!
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Figure 2. Central panel: peak potentials vs pH diagrams (E vs pH diagram) showing separately the evolution of the anodic and cathodic branches for three
sets of kmax (s~1) and v values (given in the legend) resulting in an identical value of A. Other panels: Simulated cyclic voltammograms at pH = 1.0 (upper
left), pH = 4.6 (bottom left) pH = 5.6 (upper right) and pH = 9.0 (bottom right). The presented CV are dimensionless but were dimensionalized to obtain the

peak potentials of the central panel.

cathodic peak is sharp and close to electrochemical reversibility.
These voltammetric features are directly linked to the catalyzed pro-
ton transfer kinetics and when a broad response is observed, it is
actually composed of two superimposed waves due to slow chemi-
cal kinetics. Two limiting cases are well documented in the square
scheme literature.'""?”->® When all chemical reactions are fast (com-
pared to the voltammetric timescale), the square scheme reduces
to the simple reaction P = QH" displaying an electrochemically
reversible voltammogram whose peak positions are shifting with the
pH. Conversely, when the chemical reactions are slow compared to
the voltammetric timescale, the two reactions PHT = QH™T and
P = Q proceed independently in parallel; the resulting voltammo-
gram is a mass balanced sum of the two contributions and exhibits
thus two pairs of peaks at the respective potentials of the two elec-
trochemical reactions, and with intensities proportional to the initial
concentrations of the relevant species. These two extreme cases are

sometimes known in the field of supramolecular electrochemistry as
‘one wave shift’®® versus two-waves.

The present situation is slightly different in the sense that not all
chemical steps are fast or slow. Because of the Bronsted catalysis the
proton transfer reactions are fast in one direction, but rather slow,
depending on the actual value of the ApK, and ApKy, in the other
direction. At pH = 4.6, the initial ratio between the concentrations

of Q and QH™ is [Q[S]Jr] = 10(PH—PK2) 05 and the deprotonation

is slow (k; small). As soon as QHT is oxidized to PH" the latter

quickly deprotonates (k| high) to P, achieving “instantaneously” the
[P]
[Prt]
single anodic peak is thus observed. On the backward, negative going
potential sweep, PH™ is the first species to be reduced, followed at
less positive potentials by P. Because the conversion of P to PH™ is

equilibrium ratio

— 10(PH—PKa) 41—0. In the voltammogram, a
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slow (k" small), two independent but superimposed voltammetric
waves are recorded.
A similar reasoning holds at pH = 5.6, but now the concentration

: Q
ratios are W =~ E and [PH +]

tion and a single-wave reduction in the voltammogram. In the peak
potentials—pH diagram, one can see that these kinetic limitations
make the reduction peak potential to be far off the equilibrium value
for pH = 4.6, whereas at pH = 5.6 it is the oxidation peak poten-
tial which significantly departs from the 59 mV decade ™' diagonal.
Such an abrupt departure from the equilibrium line in the potential—
pH diagram has been already reported in cases where the electrolyte
solution is non-buffered or insufficiently buffered,” i.e. when the bulk
concentration of either free protons or the buffer hydrogen donor
(for a reduction reaction) is smaller than the bulk concentration of
the electroactive species. Such a situation is that of a system which
is thermodynamically unbuffered. In our case, the buffer is in large
excess and the abrupt changes in the potential—pH diagrams reflect
the conditions when the system becomes kinetically unbuffered."

This “kinetic buffering” concept is further highlighted by varying
the rate constants or the value of pK,i, at a fixed scan rate of 1 V s !
The resulting peak potential vs. pH diagrams are shown in Fig. 3. It
is noticeable that the anodic and cathodic peaks of the cyclic voltam-
mogram are more distant from each other when: i) pK, decreases
(pKa2 being kept constant); ii) the rate constant kmax decreases. Both
observations are in line with the kinetic buffering effect. When the
pK.’s are more distant, there is a more important pH range where the
catalysis is less efficient since the rate constants depend on ApKj.
This leads on the diagram to a wider domain of pH where the peak
potentials depart from the equilibrium values. When kmax decreases,
the effect is more pronounced and leads to larger deviations from
the diagonal line.

~ 4(1)0, leading to a two-wave oxida-

Evolution of the peak-to-peak separation with the pH of the
solution.—Eventually, the shape of the voltammograms and the peak
potentials, at a given scan rate, depend directly on the values of pKai
and pKy,. It could thus be experimentally useful to employ a work-
ing curve plotting the difference between the anodic and cathodic
peak AE = E,,_E,. as a function of the pH. This highlights the
evolution of the peak separation but the individual information on
the peaks evolution is lost. Figure 4 presents such working curves
computed from simulated voltammograms, for different sets of pKai
and pK,,. For pH values smaller than pK,; or larger than pK.,, AE
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Figure 4. Evolution of AE with the pH for various pKM/pKaz couples
(2.0/7.2,3.0/7.2 and 3.0/8.2). kmax = 103 M1 s~ ;v =1V s™

is equal to 59 mV which is the value corresponding to a reversible
electrochemical process. At intermediate pH values, AE increases
due to the kinetics limitations of the chemical reactions at play.

In line with the results presented above, each curve is peak-shaped
with the maximum of AE being more important when the two pK,’s
are more separated and being centered in the middle of the two pK,’s

Conclusions

We have studied numerically a 1 e, 1 H" PCET reaction by
simulating the entire square scheme and accounting for the effect of
acid—base catalysis induced by the buffer medium (BH/B™). Cyclic
voltammograms have been simulated thanks to the numerical inte-
gration of reaction-diffusion equations for each species and the peak
separation was evaluated as a measure of the reversibility of the
whole process. Particularly, we have obtained a visual representa-
tion of the peak separation (AE) dependence with respect to the pH.
For pH < pK, or > pKa, only electrochemical reactions occur so
that protonation reactions have no impact on the peak separation, and
the electrochemical behavior is reversible. By contrast, for interme-
diate pH values, the peak separation depends on the gap between the
pK.’s of the species, the rate constant value (k) and the scan rate (v).
For the chosen parameters, the results were identical for similar k/v
ratio.

In spite of significant experimental efforts (see Part II of the
Supporting Information), it was so far not possible to provide a fully
convincing comparison between our theoretical model and an exper-
imental system, the main reason being that it was not possible to
identify a redox couple fulfilling all the requirements hypothesized in
the model, more specifically an “ideal Nernstian” 1 e~ transfer cou-
pled to a PT step, with no complication from homogeneous chemical
reactions and with experimentally accessible E°’s and pK,’s values.
The HPTS molecule, following a 1 e, 1 H" PCET, indeed showed
a trend of increasing AE at intermediate pH values, but the com-
parison between the theoretical predictions and experimental values
could not be quantitatively validated.

Even though a robust experimental validation of the proposed
model has yet to be performed, the present contributions comple-
ments a vast literature on the influence of thermodynamic buffering
conditions on the PCET by highlights the concept of kinetic buffer-
ing. It shows that even in conditions where the buffer capacity is
high enough (buffer concentration much larger than the concentra-
tions of electroactive species), electrochemical responses typical of
unbuffered conditions can be recorded if the PT becomes slow in
comparison of the voltammetric timescale. Of particular interest is
the fact the Bronsted catalysis introduces a rate asymmetry in the
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direction of PT, meaning that the rate of proton transfer can be
slowed down in one direction but kept very fast in the other direction,
depending on the ApK,’s.

As illustrated by the experiments presented in Supporting
Information, the predictions made here regarding the separation
between voltammetric peaks are difficult to substantiate because the
amplitude of AE is only moderately larger than the purely reversible
limit of 59 mV, to such an extent that it can readily fall within
the experimental uncertainty. Such a low sensitivity is ultimately
connected to the fact that PT reactions are indeed very fast in aque-
ous solutions, kmax ~10° M~ s7!. We anticipate that significant
effects would become noticeable in cyclic votlammograms for situ-
ations where proton transfer would be hindered to some extent. We
can think of media with high viscosities, where the diffusion limit
would be readily decreased, or complex architectures where proton
transport obeys some hopping mechanism such as in membranes
or hydrogels. Although the validity of the present model based on
classical Fickian diffusion in a homogeneous medium might appear
inappropriate for those media, transport within them can still be inter-
preted, at a macroscopic level, as a reduction of the effective proton
mobility, i.e. using effective diffusion coefficients.

An obvious extension of the present work would be to tackle
more complex systems such as the 2 e, 2 H' square scheme, which
describes the PCET of important classes of reactions and compounds
such as the ORR or the reduction of quinones.
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