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The ideal gas reference for association and dissociation reactions, developed in the
first part of this series, is applied to electrochemical reactions. We obtain an ideal
Nernst equation that quantifies the unspecific voltage contribution arising from an
imbalance between the reactant and product concentrations of an electrochemical
reaction for the given conditions. Subtracting this concentration bias from the equi-
librium voltage/potential, we define the “kinetic reference voltage/potential” where
the reactant and product states are “aligned” within the potential energy landscape
of the system. The kinetic reference voltage/potential is a fundamental descriptor
for a given electrochemical reaction, providing an intrinsic reference point which is
most relevant in cases where the (standard) equilibrium voltage/potential is biased by
large concentration differences between the reactant and product side. This is most
dramatic for the case of water electrolysis, where the gaseous Hy and Oy product
concentrations are several orders of magnitude smaller than the liquid water reactant
concentration. The respective equilibrium voltage is strongly biased by the low H,
and Oy concentrations, although the latter do not directly influence the forward wa-
ter splitting rate. The unbiased kinetic reference voltage agrees remarkably well with
the experimentally observed onset of macroscopic water splitting rates. We further
extend our analysis to the kinetic reference potentials of the hydrogen evolution reac-
tion (HER), oxygen evolution reaction (OER), and lattice oxygen evolution reaction
(LOER), providing an unconventional perspective on pH-dependent overpotentials,
anticipated electrocatalysis improvements, and kinetic stabilization of electrocatalyst

materials.
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I. INTRODUCTION

The electrode potential F is the primary state variable of an electrochemical system be-
cause it provides facile control over the rate of electrochemical reactions. Consequently, the
essential part of electrochemistry deals with the question at which rate a certain reaction
proceeds at a given potential. The rate of a desired reaction should be maximized for an
optimal efficiency of the process, which is often achieved by the utilization of an electro-
catalyst. The rate of an unwanted degradation reaction should be minimized to enable
long-term operation of an electrochemical device. Since only potential differences have a
physical meaning, any analysis of an electrochemical process requires the specification of a
reference potential. Typically, the electrode potential is expressed in terms of an overpoten-
tial n = E — Eq with the “floating” equilibrium potential E., of the reaction for the given
conditions as a reference. Alternatively, the relation between reaction kinetics and electrode
potential can be described using the standard equilibrium potential Ee@q as a fixed reference.
The following questions arise: Which reference potential is best suited for an assessment of
the kinetics of an electrochemical reaction? At which potential can we decide whether the
reaction reveals “fast” or “slow” kinetics?

In the following, we argue why neither £, nor Eeeq meet these criteria in general. This is
best explained at the example of an elementary half-cell reaction Red = Ox + e~ assuming

a Butler-Volmer relationship between the kinetic current density ), and the overpotential

n= E— Eeq7
. a,Fn acF'n (1)
kin = %0 |€XP RT exp RT )

with anodic and cathodic transfer coefficients «, and a., respectively, fulfilling o, + . = 1.

The reaction velocity is quantified by the exchange current density iy that corresponds
to the magnitude of the balanced kinetic currents of oxidation and reduction at n = 0.
Therefore, 7y is the quantity of interest when the kinetics of the reaction are investigated
under different reaction conditions, e.g. concentrations, pH-value, or pressure. Changes in
the concentrations coy or creq produce a shift in the equilibrium potential Ee, via the Nernst
equation

RT cox/cq
E..,=ES +—1 _Ox/ 7Ox 2
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where ¢g_ and ¢, are the corresponding concentrations at standard conditions, and we
neglected the activity coeflicients for the sake of clarity. Consequently, it is often assumed
that the primary effect of concentration changes is implicitly taken into account by using
the overpotential scale, and the exchange current density 7o would remain largely unaffected,
at least to leading order. However, it is well established that the exchange current density

itself strongly depends on the concentrations even for the most basic Butler-Volmer model!,

c * eox
. 0 Red Ox
Red Ox

with i5 being the exchange current density at standard concentrations. Consequently, to

take into account the full concentration dependence of the kinetic current in Eq. (1), both the
equilibrium potential, Eq. (2), and the exchange current density, Eq. (3), must be considered.
Inserting Eqs. (3) and (2) (with z = 1) into Eq. (1), we obtain
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where we used a, + a. = 1. This form of the Butler-Volmer equation is precisely equivalent

to Eq. (1), but now the electrode potential is given vs. the fized standard equilibrium
potential ESJ. We note that Eq. (4) must be regarded as the more fundamental version of
the Butler-Volmer equation?, and it typically represents the basis for the derivation of the
overpotential version Eq. (1). As a great advantage, the concentration dependence is directly
visible in Eq. (4). We simply recover the comprehensible behavior that the oxidation rate
is proportional to the concentration of the reduced species, and vice versa for the reduction
rate. In particular, on the fixed reference potential scale, the oxidation and reduction rates
are independent of their respective product concentrations coy, and creq. This is what we
expect from basic kinetic theory, where the forward and backward rates of a reaction A = B
are given by Ry = krcy and Ry, = kycp, respectively, with certain rate constants k¢, The
use of the fixed reference potential scale thus appears superior to the overpotential scale,
because the former enables to distinguish this fundamental concentration effect from other
kinetic factors.

The situation is schematically visualized in Figure 1 showing the anodic branch, ixin . =
iy (Zé—e:) exp (%L (E — EY)), and cathodic branch, ixine = —ig (zé—z) exp (—%5(E — EY)),
of the Butler-Volmer equation (4) on a fixed potential scale for two different concentrations

of the oxidized species. The Nernst equilibrium potential E.q, indicated by vertical lines
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FIG. 1. Schematic plot of anodic, cathodic, and total kinetic currents according to the Butler-
Volmer equation (4) vs. a fixed reference potential for two different concentrations of the oxidized

species. The corresponding positions of the equilibrium potential are indicated by vertical lines.

where anodic and cathodic kinetic currents are balanced, shifts negative due to the decreased
current magnitude of the cathodic branch at a decreased value of coy, in agreement with
the Nernst equation (2). Since the anodic branch is unaffected by coy, the actual exchange
current density g, i.e. the balanced current magnitude of anodic and cathodic branches at
E.,, gets decreased with the shift in E,,, which illustrates the origin of the concentration
dependence of iy given in Eq. (3). Furthermore, the total kinetic current ixiy = fkina + fkinc
of Eq. (4) converges to the anodic branch at large potentials and to the cathodic branch
at small potentials. As a result, the influence of the concentration co, on the total kinetic
current becomes negligible at sufficiently large potentials and the actual position of the
equilibrium potential E.q becomes irrelevant.

The fact that the fixed potential scale is better suited for kinetic analysis than the over-
potential remains true also for multistep reactions. For example, the same reasoning was
used to explain why the rate of the oxygen evolution reaction (OER) was observed to be
rather unaffected by the presence or absence of oxygen during the experiment®. The oxygen
concentration primarily acts on the backward reaction, i.e. the oxygen reduction reaction
(ORR), which is negligible at potentials relevant for the OER. According to the same argu-
ment, polarization curves of water electrolyzers would be expected to be largely insensitive
towards the oxygen pressure under operation, especially at high current densities. This in-

sight appears to be mostly neglected in the present literature when discussing the observed



vs. expected influence of high-pressure operation®.

Having established that the “floating” equilibrium potential E,, does not, in general,
represent a reliable reference for kinetic analysis, we argue that even the fixed standard
equilibrium potential Ee@q does not fulfill such criterion. The choice of the standard pressure
of 1bar for gaseous species and concentrations of 1molL=! for dissolved species is, to a
certain extent, arbitrary and fixed by convention. Moreover, this choice is ambiguous for
dissolved gases. For hydrogen and oxygen, e.g., at a standard pressure of p® = 1bar and
T = 25°C, the corresponding saturation concentrations of hydrogen and oxygen molecules
dissolved in water are ¢, ,, = 0.771 x 107*mol L' and cg, ., = 1.252 x 107 mol L™},
respectively>®. However, for dissolved Hy and Oy one could argue that the standard con-
centration of 1 molL~! should rather be used, in particular since only dissolved molecules
can participate in an electrochemical reaction step. Redefining the standard concentrations
would shift Egl according to the Nernst equation (2) and alter the corresponding exchange
current density i5 according to Eq. (3). Therefore, Eeeq does not represent an intrinsic ref-
erence point on the potential axis for a given reaction. In particular, it would be incorrect
to assume that any given electrochemical reaction could proceed at a significant rate in the
potential range around Eg117 if only the optimal catalyst were available.

We exemplify this aspect for the OER, 2H,O — Oy + 4H" + 4¢™, with a standard
equilibrium potential Ee% = 1.229 Vgyug corresponding to p& = 1bar. An electrocatalyst
material that would enable significant OER rates close to EE% could be regarded as the
“philosophers’ stone” in electrocatalysis. But why should this be possible at all, why should
such “philosophers’ stone” electrocatalyst exist? Whereas the standard equilibrium poten-
tial strongly depends on the choice of p&, the actual OER rate is largely independent of
the oxygen partial pressure, as discussed above and confirmed by experiment. The partic-
ular value of p& = 1bar has no relevance for the OER rate observed at a certain fized
potential on a given catalyst. Hence, it is not clear a priori why significant OER rates
should be possible close to 1.229 Vgyg even on an “ideal” catalyst (the meaning of which
will be discussed later on). In fact, the standard pressure of 1bar simply corresponds to
an average atmospheric pressure on Earth. Imagine some intelligent species had evolved on
planet Pluto and defined a different standard pressure of p& = 10~° bar according to the

7

local atmospheric conditions’. They might now search for an ideal catalyst to enable the

OER at their standard equilibrium potential ES = ES + %L log (p&,/pg,) = 1.155 Vsug.
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Now, would an ideal catalyst provide an onset potential for macroscopic OER rates around
our standard equilibrium potential of 1.229 Vgyg, their standard equilibrium potential of
1.155 Vgyg, or none of them?

After this discussion, we seem to be left without an intrinsic point of orientation along
the potential axis. In the following, we present an approach to close this gap and we use
the ideal gas reference for chemical association/dissociation reactions, developed in Part I.
of the present series®, to define the kinetic reference potential for electrochemical reactions.
Its usefulness and physical meaning become particularly clear when applied to electrolysis
reactions involving the transition between the liquid and gaseous phase. Finally, our dis-
cussion offers a new perspective on the pH-effect in the kinetics of HER and OER, and the

kinetic stabilization of certain metal oxide electrocatalysts during OER.

II. THEORY

A. Ideal and excess Gibbs free energy of reaction

8 we developed an ideal gas reference for association and

In Part I. of the present series
dissociation reactions, the most relevant findings of which will be summarized in this sec-
tion. We introduced a straightforward definition of molecules simply based on the distance
between the atomic constituents. If two atoms are closer than some critical distance £,, we
consider them as being part of one molecular entity. If their distance is larger than /4, we
consider them as being separate. This definition is in agreement with IUPAC terminology®.
Importantly, it provides a notion of molecules consisting of non-interacting constituents,
which we used to study equilibria and kinetics of association and dissociation reactions in
mixtures of ideal gases, yielding an ideal law of mass action and ideal kinetic rate equations.
The ideal gas reference is equally obtained in the limit of an entirely flat potential energy
“landscape” of the system. Therefore, the difference between a real association/dissociation
reaction and the corresponding ideal gas reference originates from the system-specific un-
evenness of the potential energy surface. Consequently, we defined the ezcess equilibrium
and rate constants to quantify these system-specific effects.

Considering a general association/dissociation reaction ) . p; R; = > . m; P; with reac-

J
tant species R;, product species P;, and stoichiometric coefficients p;, and 7;, we obtained
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an ideal Gibbs free energy of reaction

o= n l Hj <CPJ'/C*)7Tj
Al = kTl <gr I <cRi/c*>“) o

as a function of the reactant and product concentrations cr, and cp;, respectively. Here,
g = I (gr)" /11, (gp,)™ is an overall combinatorial factor of the reaction with gr, =
(ai! Bi!vi!) and gp, = (! B;!~;!) being combinatorial factors for each of the reactants R; =
(Aa,Bg,C,,) and products P; = (A,,Bg,C,,) accounting for the indistinguishability of atomic
constituents of some general types A, B, C. Generalization to more than three atom types
is straightforward. We note that ¢, is generally of order unity and thus rather insignificant
for the value of A,Giq. Most importantly, in Eq. (5) the concentrations of reactants and
products are naturally referenced to the concentration ¢, = cq, e~ (¢tot/ cen) where ¢g, = 1 /Ven
is the chemical reference concentration that is equal to the inverse of the molecular volume
Van = (4/3)703, of radius £g,. The factor e~(cwot/cn) corresponds to the probability of not
finding any chemical entity within a given volume element V,, where ¢y, is the sum of
concentrations of all chemical species present in the system. Therefore, ¢, can be interpreted
as the concentration of “unoccupied” volume elements Vg,. In the limit of a dilute system,
we simply have ¢, ~ c,.

We emphasize that c., defines an intrinsic chemical concentration scale that is determined
by the molecular size. Whereas various definitions of the size of a molecule exist, such details
are of little importance as long as they differ only by factors of order unity that have an
insignificant effect on the value of A,Gjq and the kinetic reference potential to be defined
below. For the same reason, a system consisting of different molecular species can be treated
by only one effective cg, being equal to the inverse of an average molecular volume of the
system. These aspects will be further clarified by the examples in the Results and Discussion
section.

We then defined the excess Gibbs free energy of reaction A Gy, = AG — A,Giq of the
real system to quantify the difference between the actual Gibbs free energy of reaction A,G
and the corresponding ideal gas reference A,Giq. The actual Gibbs free energy of reaction
can be written in the form

o = Hj (apj)ﬂj
AG = AG® + ksT In (—Hi o ) (6)



with the standard Gibbs free energy of reaction A,G° = 3", ; ,ugj —>; pi b, and activities
agr, and ap; of reactants and products, respectively. Using Eqs. (5) and (6), the excess Gibbs
free energy of reaction reads

P;

o \™
AGr = AGP + kpT In(g,) + kpT In I (/e ) 4 kpT In (Te,) (7)
Hi (C*/Cgi)pl 7

where we used the form a = 7, (¢/c®) for each of the activities with the concentration-based
activity coefficient 7., and I'c, =[] ; (W/ijj)ﬂ—j /11, (er,)” is the corresponding quotient of
activity coefficients of the reaction. Although Eq. (7) involves standard state (©) quanti-
ties, it is actually independent of the choice of the standard reference concentrations cgi
and cl?j, because respective dependencies of the individual terms mutually get cancelled in

Eq. (7). Also, the excess Gibbs free energy of reaction is only weakly dependent on the

actual concentrations through the quotient of activity coefficients I' ;.

B. Kinetic reference potentials and voltages

As discussed in Part I. of our series®, the excess quantities measure those effects that result
from the system-specific shape of the potential energy surface in the system’s configuration
space. All unspecific concentration effects that simply result from particle number statistics
are captured by the ideal gas reference. Therefore, the excess Gibbs free energy of reaction
quantifies the alignment of reactants and products within the potential energy landscape. If
A, G 18 equal to zero, the reactants and products can be regarded to be aligned at the same
“height” in potential energy. Importantly, in contrast to the enthalpy of reaction A, H, the
excess Gibbs free energy of reaction includes those entropic contributions that result from
the unevenness of the potential energy surface. Only the unspecific entropic contribution
due to particle number combinatorics is removed by subtracting the ideal gas reference.

We therefore consider the excess Gibbs free energy of reaction A, Gy as the natural basis
to define intrinsic reference potentials and voltages for electrochemical half-cell and full-cell
reactions, respectively. These are consequently denoted excess potential Fys and excess volt-
age Uy, respectively. Alternatively, following from their physical meaning discussed below,
it appears justified to use the terms kinetic reference potential FEy;, and kinetic reference

voltage Uy, interchangeably for E.s and U, respectively.



If the general association/dissociation reaction discussed above is the overall redox re-
action of a full electrochemical cell that involves the exchange of z electrons, the corre-

sponding ideal Gibbs free energy of reaction of Eq. (5) defines an ideal equilibrium voltage

Uia = A Gia/ ze,

Ug =

T, (1 I <ch/c*>”j> | .

2F 0\ g 1 (en,/ca)”

where we used kgT'/e = RT/F. We note that this equation can be regarded as an ideal
Nernst equation, which is reduced to the logarithm term where all concentrations are intrin-
sically referenced to the concentration c,.

We now define the kinetic reference voltage of the same reaction by Uy, = A,Gys/ze.
The defining relation A,Gyxs = A,G — A, Giq yields Uyin = Ueq — Ui, so the kinetic reference
voltage quantifies the difference between the actual equilibrium voltage Usq = A,G/ze and
the corresponding ideal equilibrium voltage. Inserting Eq. (8), we obtain

RT RT (Hj (C*/CPj)’”> |

in — Ue — 1 r ;
Uk Uq—l—ZF n(g)—l—zF I, (e Jen

(9)
Here, Uy, is related to the equilibrium voltage Uyq and concentrations cg, and cp, for the
given conditions. It can equivalently be expressed in terms of the standard equilibrium
o

voltage U(_% = A,G%/ze and the corresponding standard state concentrations cg, and cgj.

Using Eq. (7), we find

S
RT rr (1L (C*/ Cm) RT
w=US +— 1 el ,
Uiin = Ueq + F (g0) + F 11, (C*/CPe{i)pl 2F

The difference between the kinetic reference voltage, or excess voltage, Uy, and the actual
equilibrium voltage U, defines an ezcess overvoltage nys = Uyin — Ueq = —Uiq that is equal
to the negative of the ideal equilibrium voltage.

Likewise, for a general half-cell reaction ), p;Red; = > ; ™ Ox;j 4+ ze™, we define the

kinetic reference potential

hT BT (Hj (C*/Coxj)?> ’ (11)

Fyi, = FE. — 1 . .
in = Bea b S 0+ S M T e fenea

written versus the actual equilibrium potential F,, for the given concentrations coy; and
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CRed;- Equivalently, we can express FEy, in terms of the standard equilibrium potential Ee@q,

RT pr (T (e/%.)"\  Rr

By = E° 4 = In(g,) + 2= 1 ) ) . 12
k eq+ZF n(g)+2F n Hi(c*/C§edi)pz +ZF n( 7) ( )

where ng]- and cf.4 are the concentrations at the standard state defined for each of the
species on the oxidized and reduced side of the reaction equation, respectively. The difference
between the kinetic reference potential, or excess potential, F;, and the actual equilibrium

potential Fe, defines an excess overpotential nys = Eyin — Feq, for which we obtain from

Eq. (11)

RT L (Ha‘ (c/ COXj)Wj) (13)

s = — | T i
e = T o)+ S M

Physical meaning. The ideal equilibrium voltage of Eq. (8) is zero under the condition

l Hj (CPj)ﬂj (C*)Zi V
g ILi (er)™ (c)=™

which is simply the ideal law of mass action derived in Part I. of this series. This con-

~1, (14)

dition characterizes the dynamic equilibrium within the ideal gas framework, where the
balance between forward and backward rates of the reaction is purely determined by the
balance in particle number statistics between the reactants and products, expressed by the
corresponding concentration factors. We therefore term Eq. (14) the condition of balanced
concentrations, which essentially corresponds to the equality of the stoichiometric product
of concentrations between the reactant and product side of the reaction equation. For reac-
tions with different total stoichiometries on both sides, the number of concentration factors
is adjusted by an appropriate power of the concentration c,.

If the reactant and product concentrations are unbalanced, meaning that they do not ful-
fill Eq. (14), the corresponding ideal equilibrium voltage of Eq. (8) is non-zero. Uiq therefore
quantifies that contribution to the actual equilibrium voltage of an electrochemical reaction
that simply results from an imbalance between the actual reactant and product concentra-
tions. This “concentration bias voltage” is independent of the shape of the potential energy
landscape and therefore unspecific. The unbiased kinetic reference voltage Uyin = Ueq — Uia
then represents the intrinsic system-specific part of the equilibrium voltage, and likewise for

the kinetic reference potential Ey;, of half-cell reactions. Consequently, Uy, and Fi;, can be
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interpreted as the equilibrium voltage and potential, respectively, at conditions of balanced

reactant and product concentrations according to Eq. (14).

We discuss a complementary perspective on the physical meaning of Fy;, and Uy,. From
the meaning of the excess Gibbs free energy of reaction, discussed above and in Part I.
of this series, it becomes clear that FE\;, and Uy, correspond to the half-cell potential and
full-cell voltage, respectively, where the reactant and product side of a given reaction are
aligned within the potential energy surface of the system. This means that the system-
specific potential energy contributions to the Gibbs free energies of reactants and products
are equal at the kinetic reference potential/voltage. In contrast to the actual equilibrium
potential and voltage, Fy;, and Uy, are corrected for those Gibbs free energy differences
that simply result from an imbalance between the reactant and product concentrations, as
discussed above. Therefore, Fy, and Uy, allow to distinguish “intrinsic” effects due to
the system-specific potential energy landscape from unspecific concentration effects that are
captured by the ideal gas reference. We therefore regard the kinetic reference potential
Fyin as an intrinsic point of orientation along the potential axis for the kinetic analysis of
a given electrochemical reaction. The question at which rate an electrochemical reaction
could be expected to proceed at Fy;, under ideal conditions, i.e. which magnitude of the
corresponding current density could be expected in presence of an ideal catalyst, will be

addressed further below.

III. RESULTS AND DISCUSSION

The definition and meaningfulness of kinetic reference potentials/voltages is exempli-
fied for a number of electrochemical reactions in the following. Table I gives an overview
of the corresponding standard equilibrium potentials/voltages and kinetic reference poten-
tials/voltages at T' = 25°C. The relevance of Ey, and Uy, is most pronounced for reactions
that involve significant changes in concentration between the reactant and product side.
This is the case, e.g., in water electrolysis that involves the transition from a condensed

liquid reactant to gaseous products.
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Reaction Equation Eeeq ] Ue% Exin | Ukin
Water electrolysis 2H20 = 2Hsy + Oy 1.229 V 1437V
HER acidic 2H+ +2e¢~ = H, 0.0 VRIS | —0.032 VB
HER alkaline 2H,0 4+ 2e~ = Hy+20H" 0.0 VRILE | _0.256 VR
OER acidic 2H,0 = Og +4H' +4e” 1.229 VRO | 1.405 VELLD
OER alkaline 40H™ = 09 +2H0 +4e” 1.229 VR 1,181 VR
LOER IrO, IrOs = I3 + 0y +3e” 1.561 VRO | 1.686 VELY
LOER(I) CoOOH |CoOOH + OH™ = Co3} + 0a + HoO + 4~ [1.968 Vi | 2.032 VB
LOER(II) CoOOH|CoOOH + OH™ = CoZ + O + Ho0 + 3¢~ |1.694 VR 1.780 VRE

TABLE I. Standard equilibrium potentials Eee01 and kinetic reference potentials Fii, at T' = 25°C of
the various electrochemical reactions discussed. For the overall water electrolysis reaction, values

refer to the standard equilibrium voltage UE% and kinetic reference voltage Uyin-

A. Unimolecular electrochemical reactions

We first consider a simple electrochemical electron-transfer reaction Red = Ox+e™ for a
single species in solution, so with Red and Ox corresponding to one solvated ion or complex
in a reduced and oxidized state, respectively. Because the reacting species only changes its
oxidation state but not its chemical composition, we have g, = 1. Furthermore, the same
standard concentration applies to the reduced and oxidized species, cg.q = ¢5, = 1 mol L.
Therefore, both the second and the third term on the right-hand side of Eq. (12) are zero

and the kinetic reference potential is given by

RT
o= 9 4.
Bian = EQ+ — In(Tey) - (15)

In a dilute solution, the quotient of activity coefficients I'c; = Ye.0x/Ve,rea = 1 is approx-
imately equal to one, and F;, turns to El%. Therefore, the kinetic reference potential of
a simple electrochemical redox couple is essentially equal to the corresponding standard
equilibrium potential. This results from the fact that the standard state of reactants and

products fulfills the condition of balanced concentrations, cg.q = ¢g,
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B. Water electrolysis

An entirely different situation is found for the water electrolysis reaction, 2 H,O = 2Hy+
O,. Firstly, the total stoichiometries of both sides of the reaction differ, namely two molecules
of water get split to form a total of three product molecules. Secondly, the standard state
concentration of liquid water' at T' = 25°C is ¢y, , = 55.34mol L™". In contrast, for the
hydrogen and oxygen product molecules dissolved in water, the saturation concentrations
at a standard pressure of p© = 1bar are ¢y, ., = 0.771 x 107 mol L™" and ¢g, ,, = 1.252 X
1073 mol L, respectively®®. Thus, the reactant and product concentrations are extremely
unbalanced at standard state. Whereas the standard equilibrium voltage!! Ug = 1.229V
of the water electrolysis reaction is strongly biased by this imbalance, the low Hy and O,
product concentrations do not directly influence the forward rate of the water splitting
reaction, as discussed in the Introduction. Therefore, Ue% does not represent an intrinsic
reference for an analysis of the reaction kinetics of electrolytic water splitting.

According to Eq. (10), the kinetic reference voltage of the water electrolysis reaction,

with z = 4, reads

2
RT RT (cia0.0) () RT

Uin = US + — In(g,) + — 1 2o — In(T.,) . 16

k eq + 4F n (g ) + 4F n ((CEQ’aq)Q (6827361) + 4F n( > ) ( )

The combinatorial factors of the involved species are gg,0 = 2! = 2, gy, = 2! = 2, and

go, = 2! = 2, and thus the overall combinatorial factor of the reaction g, = g7,/ (912{2 go2) =
1/2. We note that the corresponding term in Eq. (16) only accounts for ~ —0.004 V at
room temperature. If the experimental conditions are close to the standard conditions, the
quotient of activity coefficients I'c, = (’YC,HQ)2 (Ve.05) / (%,HQO)2 ~ 1 is approximately equal
to one, and the respective term in Eq. (16) is negligible.

To assess the remaining term, we must determine ¢, = cq, e~ (erot/can)  Ag discussed in Part
I. of this series, the chemical reference concentration cq, = 1/V4, is equal to the inverse of a
molecular volume. We quantify the latter by the spherical volume Vy, = (4/3)mf3,, where (g,
is the critical distance between the dissociating constituent atoms that separates the molec-
ular state from the dissociated state. For the case of water splitting, a reasonable choice
of ¢4, would thus be some value in between the O—-H bond length of ~ 1 A within a water
molecule and the O- - - H hydrogen bond length of ~ 2 A between adjacent water molecules.

An intermediate value of £y, = 1.5 A would yield cq, = 117.5mol L=, Furthermore approxi-

14



. (a)
¢ | 2H50 2Hs + O
& >
] ~
" S
>
ED / \\y &)
: N :
< ! N, = 1437V 1 = s
B[R = = i Iac
2| i / (ei0)” (e) = (e,)° (co,) = g of Vkin = 1437V +
Txs / : !
E v = (cﬁzo)z(c*) > (032)2(682) v © 131 i Txs
US =1.229V L Uoq = 1.229V — t
0.0 0.5 1.0 1.5 2.0
Reaction coordinate Current density i / Acm™>

FIG. 2. (a) Schematic representation of the potential energy surface (PES) along a hypothetical
reaction coordinate parametrizing the entire electrolytic water splitting pathway including both
half-cell reactions of OER and HER. The solid blue PES corresponds to a cell voltage equal to
Uxin = 1.437V, whereas the dashed red PES illustrates the situation at Ue@Ol = 1.229V. The
corresponding Gibbs free energies are indicated by solid horizontal bars for balanced concentration
conditions (top) and standard conditions (bottom). (b) Typical polarization curve of a proton-
exchange membrane (PEM) water electrolyzer and partitioning of the cell voltage into contributions
of the ohmic overvoltage nonm = R, the redefined activation overvoltage 7ac.t, and the excess
overvoltage 7ys. In the plotted current density range, overvoltage contributions of mass-transport

limitations are generally negligible and therefore not indicated.

mating the total concentration of chemical species present by ¢t ~ 01%07@ = 55.34mol L7},
we obtain an estimation ¢, = cq, e~ (@et/ch) ~~ 73.33mol L. We note that this value is
of the order of the liquid water concentration of 55.34molL~!. At this point, we simply
define c, = CEQO! to be equal to the concentration of liquid water. The amount of arbitrari-
ness introduced by this choice is insignificant. The difference between 73.33molL~! and
55.34mol L1, e.g., corresponds to a shift of Uy, by less than 2mV. Even changing ¢, by a
factor of two would shift the kinetic reference voltage by less than 5mV. The specific choice
of ¢, = CI?QOJ has the advantage of making kinetic reference potentials of aqueous reactions
independent of the number of solvating water molecules written in the reaction equation, as

further discussed below.

With ¢, = C§2O’K = 55.34mol L1, ng,aq = 0.771 x 1073 mol L™!, and cgmq = 1.252 x
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103 mol L1, Eq. (16) yields Uy, = 1.437V for the water electrolysis reaction at T' = 25°C.
In comparison to the standard equilibrium voltage UC% = 1.229V, this corresponds to an
excess overvoltage of 1 = Uyin — Ue% = 0.208V that quantifies the significant bias of
the equilibrium voltage as a result of the concentration imbalance between the reactant
and product state at standard conditions. To visualize the conceptual aspects, Figure 2(a)
shows a schematic representation of the potential energy surface (PES) along a reaction
coordinate. An arbitrary shape of the PES is shown. Also, the reaction coordinate should
be regarded from a rather conceptual perspective to parametrize the entire pathway of
electrolytic water splitting including both the oxygen evolution reaction (OER) and the
hydrogen evolution reaction (HER), as well as their respective reaction intermediate states.
We furthermore emphasize that the plotted energy curves refer to the potential energy of
the system, including the electronic potential energy contribution that is controlled by the
cell voltage. Unlike commonly used Gibbs free energy diagrams, the potential energy is
not biased by unspecific contributions of the concentrations of reactants, products, and
intermediates. The solid blue curve in Figure 2(a) shows the PES at Uy, where the reactant
and product states are aligned and the reaction kinetics are determined by the specific shape
of the potential energy barrier in between. As discussed above, Uy, can be interpreted as
the equilibrium voltage for balanced concentrations between the reactant and product side,
defined by the condition (cu,0.)° (¢x) = (cu,)” (co,). The corresponding Gibbs free energies
of the reactant and product side are schematically indicated by the upper solid horizontal

bars in Figure 2(a). In contrast, at standard conditions, the concentration products are

S}

027aq). The very small concentrations of

extremely unbalanced, (01?20,5)2 (ce) > (CI?MO[)2 (c
Hy and Oy result in a significant lowering of the Gibbs free energy of the product side.
Therefore, the potential energy contribution to the Gibbs free energy of the reactant side
must be decreased accordingly with respect to the product side in order to maintain an
overall equilibrium of the electrochemical reaction. This is achieved by decreasing the cell

voltage from Uy, down to the standard equilibrium voltage US, which produces a change

eq’
in the PES as schematically shown by the dashed red curve in Figure 2(a). As a result,
the water splitting reaction in the forward direction must overcome an additional potential
energy corresponding to 7., which contributes to a suppression of the water splitting rate

at cell voltages close to Ug.

This rationale might be part of the reason why macroscopic water splitting rates have
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not yet been achieved at cell voltages below U =~ 1.4-1.5V in low-temperature electrolysis!2.
A typical polarization curve of a proton-exchange membrane (PEM) water electrolyzer is
shown in Fig. 2(b). The onset of observable electrolysis currents coincides well with the
kinetic reference voltage Uy, = 1.437 V. Accordingly, it would appear reasonable to redefine
the activation overvoltage 7., to only represent the difference between the kinetic current
curve and the kinetic reference voltage Uyi,, whereas the excess overvoltage 7ys = Uyin — Ueq
quantifies the contribution of the imbalance between the liquid water reactant concentration
and the Hy and Oy product concentrations to the actual equilibrium voltage Ueq. To what
extent the voltage range closer to Ue% = 1.229V could, in principle, be accessible in low-
temperature electrolysis depends on the maximum reaction rates achievable at the kinetic
reference voltage Uy, under ideal catalytic conditions. Ideal reaction rates will be estimated
further below in the discussion of the OER. In the following, we will analyze both the HER
and OER half-cell reactions individually.

C. Hydrogen evolution reaction (HER)

In acidic electrolyte, the HER and the reverse hydrogen oxidation reaction (HOR) proceed

according to the equation
2HT + 2¢” = H,, (17)
and in alkaline conditions according to
2H;O + 2¢7 = Hy + 20H™ . (18)
Both reactions are coupled via the water autoprotolysis equilibrium
H,O = H* + OH ™, (19)

for which reason they have a common equilibrium potential E., = Egrugr for given ex-
perimental conditions (RHE = reversible hydrogen electrode). However, the respective
standard equilibrium potentials differ. Standard conditions define c§+ = 1molL™! in
the dilute limit for the acidic reaction (17), equivalent to a pH-value of 0. The corre-
sponding standard equilibrium potential is the standard hydrogen electrode (SHE) po-

tential Ee@q’add = Eﬁ%g = FEsug, which is commonly used as a fixed potential reference.
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For the alkaline reaction (18), standard conditions define ch_ = 1molL™" in the dilute
limit, equivalent to a pH-value of 14. The corresponding standard equilibrium potential is
Egl’alk = Eﬁ%gl = —0.828 Vgug, measured versus the standard equilibrium potential Esyg
of the acidic reaction.

According to Eq. (12), the kinetic reference potentials of the HER/HOR reactions (17)

and (18) are given by

. w  RT ay . BT (ciaq) (¢)) | RT .
acid __ S,acid acid 2,aq acid
B = B4 + 55 In (g2¢) + 55 1n< (C%)Q +35 In (I299) (20)
and
RT RT [ (chn) (5 )"\  RT
alk __ O,alk alk 2,aq OH alk
Pl = P g M) T op m( (aor) (e ) T2

respectively. The combinatorial factors of the involved species are gg,0 = 2, gu, = 2, gg+ =

1, and gog- = 1, so g2 = gu, /g5 = 2 and ¢¥* = gu, 93— /9i,0 = 1/2. As discussed
above, it is reasonable to choose ¢, = 01?20,2 = 55.34mol L™, This particular choice brings
the benefit that we could include additional water molecules at both sides of reaction (17)
to describe the solvation of aqueous protons, e.g. in the form H3O", without changing the
corresponding kinetic reference potential. As before, we neglect the insignificant contribution
of T34 and T4k, Together with Cyaq = 0-771 x 1072 mol L71, ¢, = 1mol L™, and ¢~ =
1mol L1, we obtain F4 = —0.032 Vgggr and E&X = —1.084 Vsgp from Egs. (20) and (21),

respectively, at T' = 25°C. Interestingly, even when expressed versus the corresponding RHE

potentials Eﬁ%}% = 0Vggg and Eﬁ%g = —0.828 Vgug, the kinetic reference potentials are
markedly different in acidic and alkaline conditions with values E2¢4 = —0.032 Vg%OE and
B2k — —0.256 VRIL' respectively.

It is well established that the HER/HOR reveal slower kinetics in alkaline electrolyte
than in acid"!5, but the origin of this effect is a matter of debate. Figure 3(a) shows the
Tafel plots of experimentally determined kinetic currents. The data for acidic conditions
was taken from published literature'®, where the HER kinetic currents had been measured
in an acidic proton-exchange membrane (PEM) cell. For comparison, we measured the HER
kinetic currents in an alkaline 1 M NaOH electrolyte using a three-electrode setup. Further
experimental details are given in the caption of Figure 3. The electrode potentials are plotted

versus the respective RHE for the given acidic and alkaline conditions and the corresponding
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FIG. 3. (a) Experimental kinetic currents of the HER in acidic and alkaline electrolyte normalized
to the surface area of the Pt catalyst. The data for acidic conditions was taken from published
literature'®, where measurements had been performed in a proton-exchange membrane (PEM) cell
at ppg, = 1 bar and T' = 30°C using a Pt/C catalyst. Our measurements in alkaline conditions were
performed in 1M NaOH, saturated at pg, = 1bar, using a three-electrode setup with a water-
jacketed PTFE cell at T' = 30°C. The Ptpoy-disk working electrode was rotated at 1600 rpm.
Potentials were I R-corrected with an Ohmic resistance determined by impedance spectroscopy.
Note that electrode potentials are shown versus the respective RHE for the given acidic and al-
kaline conditions. The positions of the corresponding kinetic reference potentials are indicated by
vertical lines, assuming pH = 0 and pH = 14 for the acidic and alkaline experiments, respectively.
To separate the HER and HOR contributions, we fitted the Butler-Volmer equation (1) to the
experimental data in a potential range closely around the respective Eyj,. Dotted curves show the
fitted combined kinetic current of HER and HOR, dashed curves correspond to the fitted HER
branch only. (b) Schematic representation of the potential energy along the reaction coordinate
for water autoprotolysis. The corresponding Gibbs free energies of the reactant and product states
are indicated by solid horizontal bars for balanced concentration conditions (top), for standard

conditions (middle), and for equilibrium conditions (bottom).

kinetic reference potentials are indicated by vertical lines. The difference between the kinetic
reference potentials at the RHE-scale demonstrates that the RHE equilibrium potential
is more strongly biased by concentration imbalance in alkaline than in acidic conditions.

Whereas the HER/HOR exchange current densities at ERyy and EREE differ'® by a factor
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of the order of 100, the HER kinetic current at Ei4 in acidic conditions is only about
6-times larger than the HER kinetic current at E2¥ in alkaline conditions, indicated by the
dashed arrow in Figure 3(a). Part of the apparent pH-effect in HER/HOR kinetics, when
compared at the RHE potentials at pH = 0 and pH = 14, could therefore result from the

fact that these RHE potentials are biased to different degrees by concentration imbalance.

But also when compared at the kinetic reference potentials, we still observe significant
differences between the HER in acid versus base. Various mechanisms through which the
pH-value can influence the kinetics of HER/HOR have been proposed, such as a change

15,16

in adsorption energies of HER intermediates at the electrocatalyst surface , entropic

17,18

barriers for proton transfer at the electrode—electrolyte interface "*°, or interfacial water

19

reorganisation'”. The conclusion from our analysis that the unspecific concentration bias

could, at least partially, contribute to the pH-effect is in agreement with the rather universal
behavior observed for Pt/C, Ir/C, and Pd/C catalysts'>. We discuss in the following that
the ideal gas reference framework, upon which our present analysis is based, furthermore
provides support for the hypothesis that water protolysis, or dissociation, is a limiting factor

for the HER in alkaline conditiong!*20:21

Water autoprotolysis. The water autoprotolysis reaction (19) plays a key role for an un-
derstanding of the differences of HER/HOR electrocatalysis in acidic versus alkaline condi-
tions. The equilibrium constant of water autoprotolysis is K, = (ag+) (agy-) = 1.0 x 107,
corresponding to a standard Gibbs free energy of reaction A,GS = —kgT In K, = 0.828 V.
However, standard conditions define unbalanced concentrations for the reactant and product
side of reaction (19), with 022076 = 55.34molL! versus ¢, = ch, = 1molL~!. Based
on Eq. (7), we compute the unbiased excess Gibbs free energy of reaction of water auto-
protolysis and obtain A,Gysw = 1.052eV, where we used ¢, = CI%O’Z = 55.34mol L' and
grw = 2, and we neglected the quotient of activity coefficients. We realize that the value
of the excess Gibbs free energy of water autoprotolysis A,Gysw = 1.052€eV precisely corre-
sponds to the absolute difference between the kinetic reference potentials of the HER/HOR
in acid and base, Flk — padd = 1,052V, whereas the standard Gibbs free energy of water
autoprotolysis A,GS = 0.828eV determines the shift of the standard equilibrium poten-
tials, B — EQA9 = ERIM — BRI — —0.828V. We thus trace the relative shift of
—0.224'V between the kinetic reference potential in acid, £ = —0.032 VPR%OE, and base,

Bk = —0.256 VPR‘I{{E‘*, at the RHE-scale back to the difference between the excess and
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standard Gibbs free energy of water autoprotolysis, A,Gysw — AGS = 0.224€V.

Figure 3(b) presents a schematic potential energy curve for water autoprotolysis. The
reaction coordinate is essentially the distance between the dissociating H™ and OH™. In ad-
dition, the Gibbs free energies of the reactant and product states are schematically indicated
by solid horizontal bars for different conditions. As discussed earlier, A,Gysyw = 1.052eV
corresponds to balanced concentration conditions, (cy+) (cog-) = (cm0) (¢x), and it rep-
resents the intrinsic contribution of the potential energy surface to the Gibbs free energy
difference between the dissociated product state of Ht and OH™ and the H,O reactant state.
In contrast, A,GY is reduced by the concentration imbalance between reactants and prod-
ucts due to the particular choice of the standard concentration of ¢, = ¢~ = 1mol/L.
Finally, at the actual equilibrium condition (cg+) (cop-) = 107 (mol/L)?, the Gibbs free
energy of the product state is equal to the one of the reactant state. In comparison to the
acidic HER/HOR, the alkaline reaction (18) additionally involves water dissociation. Our

analysis suggests that the —0.828 V-shift in the equilibrium RHE potential from ERyp to

Egﬁg is not sufficient to fully compensate for the additional potential energy contribution
required for water dissociation. This could, at least partially, be responsible for the slower
kinetics of the HER/HOR in alkaline electrolyte. Our conclusion is in agreement with pre-

14,20,21

vious works who identified water dissociation as the rate-determining step in alkaline

conditions.

This hypothesis, however, had been questioned with the argument that the water dis-

sociation reaction (19) is extremely fast!5!7

, and therefore could not be rate limiting.
Whereas this is true for the hydronium-hydroxide recombination, i.e. direction right to
left, it is not true for the water protolysis, i.e. direction left to right. A simple esti-
mation demonstrates this point, assuming that all protons generated from water auto-
protolysis within a distance of 1nm from the electrocatalyst surface would be available
for HER. The rate constant of the hydronium-hydroxide recombination reaction was re-
ported?? with a value kye = 1.3 x 10 s71(mol L71)~!, yielding a total recombination rate
of Riee = cu+ o Kree = 1.3 x 1073 mol L™s™1, which, at equilibrium, is equal to the total
water dissociation rate, Rgiss = Rrec. Within the 1 nm-thick surface layer, it corresponds to
1.3 x 107" molem—2s~! water dissociation events, each of which contributing one proton.

These would sustain an HER current density of 12.5x 1072 A cm~2, which is negligibly small.

Thus, the water protolysis step is a limiting factor for the HER in alkaline conditions, and
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feasible HER rates require an enhancement of water protolysis by the presence of a catalyst

surface and the electrostatic fields within the electrochemical double-layer.

D. Oxygen evolution reaction (OER)

We now extend our analysis of kinetic reference potentials to the OER half-cell reaction.
In acidic electrolyte, the OER, and the reverse oxygen reduction reaction (ORR), proceed

according to the equation

2H,0 = Oy + 4H' + 4e™ | (22)
and in alkaline conditions according to

40H" = Oy + 2H,0 + 4e . (23)

Both reactions have a common equilibrium potential Eeq = 1.229 Viug versus the RHE po-
tential for given experimental conditions. The standard equilibrium potentials are Ee%’aCid =
1.229 Vgyg for the acidic reaction (22) and EZ™* = 0.401 Vgug for the alkaline reaction (23),
both given versus the fixed SHE potential. According to Eq. (12), the kinetic reference po-
tentials of reactions (22) and (23) are given by

. w, RT ay , RT
Bt = EORd 4~ (g29) + — In (

4F 4F

(cho0)’ ()*\  RT
4F

acid
(o) oyt 37
2,aq

and

RT RT ()" RT
B = pOAk 4 T I (g?lk) +—1In ( OH +—1In (Filf) . (25)
- B AE T\ (B,0q) (ia0) () ) AF ’

respectively. The combinatorial factors of the involved species are gm,0 = 2, go, = 2,
gu+ =1, and gog- = 1,50 g7 = g1, 0/(go, g5r+) = 2 and g1 = g¢- /(9o. 9fi,0) = 1/8. As
before, we choose ¢, = 01?2075 = 55.34mol L', and we neglect the insignificant contribution
of I'2%4 and T2, Together with cgwq =1.252x 10 molL~! and ¢, = ch, = 1mol L1,
we obtain F24 = 1.405 Vgug and B2 = 0.353 Vggg from Eqgs. (24) and (25), respectively, at
T = 25°C, given versus the fixed SHE reference. Measured with respect to the corresponding
RHE potentials, the acidic and alkaline kinetic reference potentials are E&i4 = 1.405 VPR%OE

and F2% = 1.181 VR LY We note that the difference between the kinetic reference potentials
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of the OER and HER is precisely equal to the kinetic reference voltage Uy, = 1.437V of
the overall water electrolysis reaction in both acidic and alkaline conditions, which supports

the consistency of our results.

Importantly, the kinetic reference potentials of the acidic and alkaline OER are different at
the corresponding RHE scales. It is interesting to note that the value of Eid = 1.405 VPR%OE
agrees well with experimentally observed OER onset potentials in acid around 1.4-1.5 V%%OE
for RuO, and IrO, catalysts?> 26, Could it thus be that these catalysts are already close
to optimal, excluding the existence of the “philosophers’ stone” catalyst that would enable
OER onset close to Ee@q@dd = 1.229 Vﬁ%OE? Whereas we do not claim to give a conclusive
answer to this question, we wish to contribute a novel perspective. As discussed in Part 1.
of the present series®, the ideal association/dissociation kinetics of the ideal gas framework
could be regarded as an upper bound for real association/dissociation rates. At Eid =
1.405 V%II{{OE the OER reactant and product states are aligned within the overall potential
energy landscape of the system in an acidic environment. An ideal OER catalyst would
then provide a reaction pathway along which the potential energy profile is entirely flat.
In such ideal scenario at the kinetic reference potential, the renormalized rate constant of
reaction (22) would be close to the ideal rate constant kiq, as discussed in Part I. of this
series, for which we estimated kg ~ 10'2-10'3s™! at room temperature. Note that k;q is an
effective first-order rate constant that also describes higher-order reactions after appropriate
renormalization, as discussed in detail in Part 1. For the case of surface reactions, it can
be interpreted as an ideal turnover frequency (TOF) per surface site. The maximum area-
specific reaction rate is then given by rp.x = (INVs5/A) kiq, where N/ A is the number of
catalytically active sites per surface area. The latter is typically of the order of N;/A =~
1071 A2, yielding rmax ~ 102-108cm 257! ~ 10*molem 2s'. This corresponds to a
maximum kinetic current density of the order of iy max = TmaxF ~ 10°Acm™2 at the

kinetic reference potential Fy;, on an ideal electrocatalyst.

At a real electrocatalyst surface in a real electrolyte, many “non-ideal” factors contribute
to a reduction of the actual kinetic current density compared to the ideal one. All of
these factors essentially originate from the specific shape of the system’s potential energy
surface. If, e.g., a potential energy barrier of height AFE,. separates the reactant and
product state of the rate-determining step, the respective rate constant is scaled down by a

factor exp(—AFE,/ksT). To achieve macroscopic current densities of the order of 1 A cm™2
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at B4 = 1.405 VpRIIiOE, the maximum allowed potential energy barrier would thus be of
the order of AE,. ~ 0.5eV, computed based on the value of iy, max estimated above. At
an electrode potential equal to Eg ¢ = 1.229 VP the product state of the OER. (22)
is raised by (—e)(EG* — EY) = eniSd = 0.176eV per electron with respect to the

reactant state. A certain fraction aen®d would add to the height of the potential energy

xs
barrier of the rate-determining step, which would have to be compensated by further catalyst
improvements in order to shift the OER onset closer to E(%add. Although this is only a
rough order-of-magnitude estimate, it shows how the kinetic reference potential provides a
point of orientation for the question at which potential an optimal electrocatalyst would
provide macroscopic kinetic currents for a given reaction. Whereas our analysis does not
exclude the existence of the “philosophers’ stone” catalyst for the OER in acidic conditions,
the respective criteria to be met in terms of potential energy barriers are rather tight. In
alkaline conditions, however, an entirely different situation is found. The kinetic reference
potential FXX = 1.181 VPR%II;L is shifted slightly negative with respect to the equilibrium
potential EQ = 1.229 VP Thus, based on the present analysis, there appears to be

significantly more room for improvement of OER electrocatalyst materials in alkaline rather

than acidic conditions.

E. Lattice oxygen evolution reaction (LOER)

Equally important as the activity of an electrocatalyst material towards a target reaction
is its stability, so the suppression of unwanted degradation reactions. This aspect is partic-
ularly important in OER electrocatalysis, because it has been experimentally shown?327:28
and theoretically proven? that there exists an intimate correlation between activity and
corrosion of metal oxide OER catalysts. This was explained by the thermodynamic desta-
bilization of the lattice oxygen anion under OER conditions, resulting in what was termed
the lattice oxygen evolution reaction (LOER)?°. Consequently, the LOER has gained sig-
nificant attention in OER electrocatalysis research in recent years®®. Although the OER
and LOER are thermodynamically coupled, examples exist where no significant corrosion of
metal oxide catalysts was observed during OER. Crystalline IrO, films, e.g., have demon-
strated remarkable stability under OER conditions®!. Such decoupling of OER and LOER

might be explained by kinetic limitations of the LOER process®3!.
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LOER of IrO,. In the following, we apply the concept of kinetic reference potentials to
a prominent example of an LOER process for IrO,. The thermodynamic driving force for
the LOER is the oxidation of the lattice oxygen anion towards O,. The remaining metal
cation can undergo dissolution in different oxidation states. For the case of IrO,, with a
formal Ir(IV)-valency, it is unlikely that the iridium cation gets dissolved with an unchanged
valency, because a stable aqueous Irijl“ is not known to the best of our knowledge. In contrast,
aqueous Iy is well-known to be particularly stable®?, for which reason electrochemical
iridium dissolution has been associated with this species®>. We therefore consider the LOER

process

IrO; = Ir¥7 + Oy + 3¢ . (26)

aq

It is particularly noteworthy that this LOER involves the reduction of the iridium cation,
although the overall process is an oxidation reaction. The thermodynamic driving force for
the oxidation of the lattice oxygen anion can thus trigger an increased dissolution of the
metal cation in a reduced state with increasing electrode potential, a phenomenon which
might appear paradoxical at first glance. Similar corrosion processes are known from cathode
materials for Li-ion batteries*.

We first compute the standard equilibrium potential of the LOER reaction (26) in acidic
electrolyte. For this, we note that, formally, it can be written as a sequence of a reductive
iridium dissolution (diss) step, IrOy + 4H" + e~ = Iri?{ + 2H,0, and a subsequent OER,
= 0.233 Vgug and
ESLOER = 1.229 Vgpg, respectively. The standard equilibrium potential of the LOER (26) is
thus obtained from the equality (=3e)(E — Eg, [opr) = (—4¢)(E — Eg, opr) +¢(E — Eq 4iss)»

) = 1.561 Vgug. According to Eq. (12), the kinetic
reference potential of the LOER, (26) is then given by

2Hy0 = Oy +4H* +4e, with standard equilibrium potentials® Eg g

: : S} _ 1 S] N NS
yleldlng Eeq,LOER - §(4 Eeq,OER Eeq,diss

R RT (cho,) (ci) RT
Ein — ES o I(g) + 57 1 ay

kin, LOER eq,LOER T 3F n (gr) + n (Ce ) (5, .0) 3F
Irgj{ O2,aq

3F
The combinatorial factors of the involved species are g0, = 2, go, = 2, and Iy = 1,

In(Tey) . (27)

50 gr = g10./(9g0, gnst) = 1. As before, we choose ¢, = cjj,q, = 55.34molL ™", and we

neglect the insignificant contribution of I'c,. The standard concentration of the dissolved

Ir3+

oy 18 cI@rgoT = 1molL™", and ¢g,,, = 1.252 x 107 mol L™ at the standard pressure of
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p® = 1bar. The standard-state concentration of IrO, units in the rutile IrO, crystal is
Cho, = 51.81mol L™, computed from the corresponding lattice constants®®. A comment on
this unusual notion of a “concentration of formula units” in a crystal is given below. With
these values, we obtain Ey,108r = 1.686 Veug at 1" = 25°C. Consequently, there exists a
potential window in between the kinetic reference potential Fyi, orr = 1.405 Vggg of the
desired OER and Eji, orr = 1.686 Vgug of the undesired LOER for IrO,. Our analysis
suggests that within this potential range significant OER rates are possible, while LOER-
related corrosion of IrOq could be kinetically suppressed. At Ey,rorr the contribution of
the system’s potential energy landscape to the Gibbs free energy of the LOER reactant and
product states is balanced. In the potential range below Fyi, r,orr, the Gibbs free energy
along the LOER pathway necessarily contains uphill potential energy contributions, enabling
kinetic stabilization of the IrO, catalyst. Of course, kinetic suppression of LOER can further
extend to the potential range beyond Eiyi, 1.0rr if a sufficiently high potential energy barrier

separates the reactants from products.

The notion of a “concentration of formula units” in a crystal requires some clarification.
For the case of crystalline solids, we clearly reach a limit where the distinction between in-
dividual entities becomes ambiguous. In principle, the entire IrO, crystal could be regarded
as one molecular entity. However, in the present example, the LOER involves individual
units of the crystal with iridium cations getting dissolved one by one. We therefore treat
each IrOy unit as an individual molecular entity, with a corresponding concentration clerOg'
We furthermore note that we used “bulk” quantities of crystalline IrOy to compute the ki-
netic reference potential. However, the LOER occurs at the electrode—electrolyte boundary,
where the stability of IrO5 units is generally decreased compared to the bulk due to the de-
fects introduced and represented by the interface. Therefore, the computed “bulk” kinetic
reference potential rather represents an upper bound for kinetic reference potentials that
include the surface/interface energetics. We therefore emphasize that the morphology of the
electrode—electrolyte boundary has an influence on the LOER kinetics. Finally, the presently
considered LOER (26) is only one possibility of an LOER for IrO,. Other LOER processes
involving dissolved iridium species with different oxidation states could further limit the ki-
netic stability range. Nevertheless, reaction (26) is a feasible example of an LOER, and our
analysis shows how the concept of kinetic reference potentials could be useful to distinguish

thermodynamic from kinetic aspects in the study of electrocatalyst stability.
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LOER of CoOOH. A similar coupling of lattice oxygen evolution and metal cation
reduction and dissolution can occur for CoOOH, a prominent OER catalyst in alkaline
conditions®”3%. Since both aqueous Cogz and Cozzlr are known, we consider the two LOER

processes in alkaline conditions

CoOOH + OH™ = Co¥f + Oy + HyO + 4de” (28)

aq

and

CoOOH + OH™ = Co%" + O, + H,0 + 3¢ . (29)

aq

Whereas in the first process the cobalt cation gets dissolved with an unchanged valency, the
second process involves the dissolution of the cobalt cation with a reduced valency, similar
to the LOER of IrO4 considered above. Nevertheless, also the second LOER is an overall
oxidation reaction. To compute the standard equilibrium potentials of reactions (28) and
(29) at pH = 14, we first formally compute the standard equilibrium potentials of the acidic

counterparts at pH = 0. For this purpose, we first add an H* at both sides of the reaction,

and then use the standard Gibbs free energies of formation® AGF ooy = —4.002¢V,
AG; 2+ = 1.385eV, and AGL, », = —0.576 ¢V, noting that the AGF of Oy and H* are zero

by definition. We thus obtain EZ’E%%RJ = 1.347 Vgpg and Egﬁ%%ﬂll = 1.142 Vgyg for the
acidic counterparts of reactions (28) and (29), respectively, at T' = 25°C. The corresponding
alkaline standard equilibrium potentials at pH = 14 are then obtained from the Nernst
equations ELYOrn 1 = EQYoery — (RT/AF)In(10) pH = 1.140 Vegp = 1.968 VByy and
B obnn = Eolowra — (RT/3F)In(10) pH = 0.866 Veup = 1.694 VEyp'. According to
Eq. (12), the kinetic reference potentials of the LOER processes (28) and (29) are given by

RT RT (cgooomn) (5) (cv) RT
pH14 CoOOH
Fiin1.0ER1T = equOER’I + IVal In (gr1) + ir In - = OH . + ir In(Ceyr)
CCo3s (€520a) (citz00)
(30)
and
RT RT (cgooomn) (5) (cv) RT
pH14 CoOOH
ExinLoernn = Egl,IIiOER,II + Yol In (gr11) + EYal In . . OH . + IF In(Termr) »
ozt (€52.0a) (citz00)
(31)
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respectively. The combinatorial factors of the involved species are gcooon = 90, = 9,0 = 2,
and geost = Yoozt = Yo~ = 1, so g1 = gruu = 1/2.  As before, we choose ¢, =
032074 = 55.34molL~!, and we neglect the insignificant contributions of Lerim. The
standard concentration of the dissolved ions is Cgo§+ = cgong = ch, = 1molL™!, and
COpaq = 1-252 X 107*molL™" at the standard pre;sure of ;@ = lbar. The standard-
state concentration of CoOOH units in the heterogenite S5-CoOOH crystal is ¢g ooy =
53.82mol L=, computed from the corresponding lattice constants?®. With these values,
we obtain Egnpoprs = 2.032 VREL and By, roprn = 1.780 VR at T = 25°C for reac-
tions (28) and (29), respectively. The kinetic reference potential of the LOER process (29)
involving reductive cobalt dissolution is significantly lower, and this process would likely
be limiting for the CoOOH catalyst stability during OER. Nevertheless, the corresponding
value of Eyi, rorr,m = 1.780 vg‘;g‘ leaves a significant potential window where the CoOOH
catalyst can be active towards OER whilst being kinetically stabilized against LOER, in

agreement with the experimentally observed stability of CoOOH films during OER?®.

IV. CONCLUSIONS

The ideal gas reference for association/dissociation reactions developed in Part I. of the
present series was extended to electrochemical reactions, leading to the definition of kinetic
reference potentials and voltages for half-cell and full-cell reactions, respectively. The kinetic
reference potential can be interpreted as the equilibrium potential for balanced concentra-
tions between the reactant and product side, as defined by the ideal law of mass action.
Furthermore, at the kinetic reference potential, the contributions of the system’s potential
energy landscape to the Gibbs free energy of reactants and products are equal, meaning
that the reactant and product states are “aligned”. For simple unimolecular electrochemical
electron-transfer reactions, the kinetic reference potential coincides with the standard equi-
librium potential. For electrolysis reactions involving reactants and products in different
states of aggregation, the standard equilibrium potential is strongly biased by the imbalance
between the reactant and product concentrations. In contrast, the kinetic reference poten-
tial represents an intrinsic reference point along the potential axis, independent of such bias.
For water electrolysis, the kinetic reference voltage agrees remarkably well with experimen-

tally observed onset voltages for macroscopic electrolysis rates. For the hydrogen evolution
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half-cell reaction, we found differences between the kinetic reference potentials in acidic and
alkaline electrolyte that could contribute to the pH-effect in HER/HOR kinetics. For the
oxygen evolution half-cell reaction, our analysis suggests that there exists more room for
improvement of OER electrocatalysis in alkaline rather than acidic conditions. Finally, we
investigated the kinetic reference potentials for several LOER processes of IrO, and CoOOH
electrocatalysts. For both catalysts, LOER could be facilitated by a concomitant reduction
of the metal cation. The respective kinetic reference potentials for LOER were found to be
more positive than the OER kinetic reference potential, defining a potential window where

the electrocatalyst materials can combine OER activity with kinetic stability against LOER.
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