Kinetic reference potential, pH-effect, and energy recovery in electrolysis
of water’
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The electrolysis of water will likely become of superior importance for a sustainable energy economy. However, the electrocatalysis
of electrochemical water splitting is complicated and the origin of significant energy losses. Among the heavily discussed open
questions in this field at present is the origin of experimentally observed differences between electrolysis kinetics in acidic vs. alkaline
electrolyte, and the effect of high-pressure operation on electrolyser performance. Our thermodynamic analysis reveals answers and
fundamental connections between these questions by the definition of balanced reactive conditions and the kinetic reference voltage
of the electrolysis reaction. Unlike the reversible cell voltage, the kinetic reference voltage Uy, is not biased by product H, and O,
concentrations, and it represents a reliable intrinsic reference point for electrolysis kinetics. At standard temperature T = 25°C, its
value is Uyj, = 1.441V, which is in remarkable agreement with commonly observed onset voltages for macroscopic electrolysis rates.
We define the reactive excess overvoltage nxs = Ukin — Urev as the difference between the kinetic reference voltage and the reversible
cell voltage. Comparing the hydrogen evolution (HER) and oxygen evolution (OER) half-cell reactions in acidic vs. alkaline electrolyte,
we find an asymmetric and pH-dependent distribution of nxs among HER and OER. Increasing the electrolysis gas pressure results
in a reduction of ns due to an increased free energy content of the evolved gases. Our analysis provides a new perspective
on activation losses in water electrolysis, on pH-effects in hydrogen and oxygen evolution electrocatalysis, and on high-pressure
electrolysis as a means for energy recovery.

Broader Context which technically relevant water splitting rates can be achieved, is

With record-breaking global temperatures and carbon dioxide shifted with respect to the commonly used reversible equilibrium
emissions, the transition of our civilisation from its present fos- voltage, with profound consequences for the field.

sil fuel basis to a sustainable and carbon-neutral foundation be-

comes dramatically urgent. This will require massive generation Introduction

of “clean” hydrogen by electrolytic water splitting (power-to-gas),
both for energy storage and for industrial feedstock supply. The
upscaling of water electrolysis to an industrial cornerstone tech-
nology is hindered by its limited energy efficiency, which is largely

Electrolysis is an envisaged cornerstone of a sustainable econ-
omy, ! because it is key for power-to-X (e.g. power-to-gas, power-
to-liquid),?1% i.e. for the conversion of intermittent renewable
primary energy sources to storable chemical energy carriers, es-
pecially hydrogen. Clean hydrogen is required for stationary and
mobile electricity generation in fuel cells, but also as fundamen-
tal industrial feedstock, e.g. for methanol synthesis, for ammonia
synthesis in the Haber-Bosch process, or for the Fischer-Tropsch
synthesis of hydrocarbons. The transformation from traditional
fossil fuel-based economy to a "hydrogen economy” is not only
crucial for the reduction of carbon dioxide emissions and the
fight against global warming, but it also offers huge potential for
future economic development as acknowledged by current eco-
nomic policy strategies. Thus, at present, the importance of clean
hydrogen production from electrocatalytic (or photocatalytic) wa-
ter splitting appears overwhelming.

attributed to the sluggish reaction kinetics requiring expensive
electrocatalysts. Therefore, large research resources are currently
devoted to the quest for better and cheaper electrocatalyst mate-
rials. The water splitting kinetics were found to depend strongly
on the type of electrolyte used, i.e. acidic vs. alkaline, and also
being influenced by the process gas pressure. However, the ori-
gins of these effects remain under debate. In the present work,
we develop a thermodynamic framework that offers a common
intuitive explanation for both pH- and pressure effects in water
splitting electrocatalysis. Our results correspond to a paradigm
change, because we show that the intrinsic reference voltage, at
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thalpy) for product water in the liquid state, that amounts to
285.83kJmol~! (or 2.962 eV per H, molecule) at standard condi-
tions (T = 25°C, p = 1 bar).1L Since two electrons are required to
form one H, molecule, the HHV corresponds to the thermoneutral
cell voltage Uy, = AHy/(2¢) = 1.481V (evaluated at standard con-
ditions), where AH; > 0 is the reaction enthalpy of the endother-
mic water splitting process. At the thermoneutral voltage Uy,
the net heat production of the electrolysis reaction is zero. Typi-
cal electrolyser operation cell voltages of Uee &~ 1.8-2.0V yield an
energy efficiency of eypy = Uphn/Ucent = 75-80%.

The thermodynamic equilibrium voltage is given by the re-
versible cell voltage Urey = AGy/(2¢) = 1.229V (evaluated at stan-
dard conditions), where AG; > 0 is the Gibbs free energy of
the water splitting reaction H,O = H, + (1/2)0,. At Upey, the
water splitting (left-to-right) and water formation (right-to-left)
reactions are balanced and the net current is zero. Thus, the-
oretically, Urey is the minimum cell voltage required for water
splitting. For this reason, the energetic losses in an electrolyser
are often analysed w.r.t. Upy (rather than Uy,,), expressed in
the reversible voltage efficiency ey = Urev/Ucenn = 60-70% (again
evaluated for U,. = 1.8-2.0V). Besides losses resulting from ionic
and electronic ohmic resistance and from mass transport limita-
tions, the kinetic losses represent a dominant contribution. They
are mostly attributed to the sluggishness of the oxygen evolution
reaction (OER) at the electrolyser anode, although the hydrogen
evolution reaction (HER) at the cathode also matters, especially
in alkaline conditions. Kinetic losses are quantified in terms of the
kinetic overvoltage 7y, = USg[" — Urev that is given by the differ-
ence between the ohmic- and mass-transport-loss corrected cell
voltage and the reversible cell voltage. The kinetic overvoltage
is the sum of the OER and HER half-cell kinetic overpotentials,
Nkin = nggp‘ + nﬂER, where nﬁER/HER are measured w.r.t. the cor-
responding half-cell equilibrium potentials EQRHER[f| The ki-
netic overvoltage typically contributes ~ 0.4V to the cell voltage,
and thus represents an absolute ~ 25% reduction in the reversible
efficiency of the electrolyser. Consequently, the hope for signifi-
cant efficiency improvements is associated with the search for bet-
ter catalyst materials for OER12-38 and HER,32748 which there-
fore represents one of the greatest challenges in present electro-
catalysis research.42

In alkaline electrolyte, the HER has slower kinetics, and thus
requires a larger overpotential R than in acidic electrolyte.
To explain this pH-effect, it was proposed that the water disso-
ciation step was the limiting factor in alkaline. 424242l This view
has been contradicted, %! and, instead, an influence of the pH-
value on the binding energies of HER reaction intermediates at
the electrocatalyst surface has been suggested. 142l Alternatively,
entropic barriers for proton transfer at the catalyst surface have
been put forward, 48 and the role of interfacial water reorgan-
isation has been highlighted.”Y Thus, the origin of the pH-effect
in HER electrocatalysis is currently under debate.

High-pressure electrolysis at operating pressures p ~ 100 bar
and above directly generates pressurized hydrogen, which re-

1 We denote cell voltages by U and half-cell electrode potentials by E.
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duces (or eliminates) the subsequent compression requirement
for storage. Interestingly, it has been observed that increasing
the pressure level, especially at the OER anode, did not result
in increased cell voltage and power consumption,>1*>4 although
the latter was expected from the increased reversible cell voltage
according to the Nernst equation (log denotes the natural loga-

rithm)
PH Po 1/2
2 72 1
(p9 ) (p@ ) } W

where R is the gas constant, F the Faraday constant, UZ,(T) the
reversible cell voltage at standard pressure p© = 1bar and oper-
ation temperature 7, and py, /o, the respective operation partial
pressures. Thus, high-pressure electrolysis appears to offer pres-
surization of output gases “for free”. The hypothesis was pro-
posed that the increased pressure could enhance the reaction ki-
netics and compensate for the shift of the reversible voltage,>3
but the exact origin of this pressure effect remains debated.

In the present work, we develop a common framework for the
explanation of both pH- and pressure effects in water electrolysis.
At the same time, our analysis reveals boundaries to the voltage
efficiency gains expectable from electrocatalysis improvements,
and identifies high-pressure electrolysis as a promising strategy
for energy recovery.

RT

UreV(PHyPOy T) = Ur%v(T) + 2F log

Theory

The reversible cell voltage Urey corresponds to thermodynamic
equilibrium for the given electrolysis conditions (T, pwn,, po,)-
For kinetic analysis, however, the relevance of Uy must be ques-
tioned. The problem lies in the fact that, e.g. at standard
conditions (°), the gas species H, and O, are considered at
Py, = Po, = 1 bar, whereas water is in the liquid state. The asso-
ciated concentrations of the H,O reactant, on the one hand, and
of the H, and O, products, on the other hand, are extremely un-
balanced: The electrocatalytic water splitting reaction produces
H, and O, molecules in the dissolved state at microscopic prox-
imity to the electrocatalyst surface. Only in a subsequent step,
they escape to the gas phase, or form gas bubbles from the lo-
cally over-saturated electrolyte. Thus, at standard conditions
and T = 25°C, the actual product concentrations are Cli.sat =
0.771 x 10~* molL~! (H, saturation concentration in water)53
and ng.sat =1.252x 103 molL~! (O, saturation concentration
in water).2® These are several orders of magnitude smaller than
the liquid water reactant concentration Cfizo, ;= 55.34mol L1 .>/
This unbalance strongly biases the reversible cell voltage, but, in
fact, the low H, and O, product concentrations do not influence
the rate of the water splitting reaction direction. Therefore, U,
is a questionable, and even arbitrary, reference for an analysis of
the reaction kinetics of electrolytic water splitting.

Balanced reactive conditions

To define reference conditions with balanced reactant and prod-
uct concentrations, a first choice could be 1-molar concentra-
tions for all, cg,0 = cg, = co, = 1 mol L!, which is the stan-
dard concentration typically defined for dissolved species. How-



Fig. 1 Schematic visualisation of the concept of balanced reactive condi-
tions: The number (i.e. concentration) of stoichiometric encounters (indi-
cated by dotted circles) of H,O molecules for water splitting in (a) is equal
to the number of stoichiometric encounters of H, and O, molecules for
water formation in (b). Oxygen atoms are shown in red, hydrogen atoms
in light blue, and vg is the reactive volume.

ever, as becomes apparent later, this would result in reference
potentials that depend on the number of water molecules explic-
itly written in the reaction equation. Also, liquid water with 1-
molar concentration appears intuitively unreasonable. Alterna-
tively, one could define balanced reference conditions requiring
equal concentration products for both sides of the reaction equa-
tion 2H,0 = 2H, +0,, i.e. 012-12 co, = 612{20' However, the latter re-
lation is physically unreasonable, because of non-matching units
between the left and right hand side. In the following, we show
how this problem can be solved and consistent, intrinsic reference
conditions defined.

We first transform the Nernst equation into a form involv-
ing the concentrations of dissolved gas species. Applying Henry’s
law for the saturation concentrations, Pu, /p° = cy, /CI%,sat and
Po, /p° = o, /C(e)z,sat’ the Nernst equation reads

1/2
. RT ‘H ‘o
Urev(Cszcosz) = UrCéV(T) + ﬁbg < E] * ) (08 : t>
)5

CHz,sat

2

The concentration-dependent term in this equation essentially
originates from the entropy of ideal gases. Real gases and dis-
solved species do not strictly follow this behavior, and, strictly
speaking, concentrations must be replaced by activities in Eq. (2).
However, these deviations are generally small and the dominant
part of the concentration-dependence is unspecific and ideal-gas-
like. We seek to correct the concentration unbalance of the un-
specific ideal-gas contribution to the reversible cell voltage, while
preserving any species-specific influence.

For this purpose, we consider a hypothetical system where all
reactants and products, i.e. H,0O, H,, and O,, follow ideal gas
statistics, and we propose the principle of balanced reactive con-
ditions: We require that the number (per volume, i.e. concentra-
tion) of stoichiometric molecular encounters for both sides of the
reaction equation 2H,0 = 2H, + O, are equal (on average over
time), as schematically visualised in Fig. |1} By stoichiometric en-
counter, we mean that a stoichiometric number of molecules, as
defined by the reaction equation, meet within a short distance
that would allow the molecules to interact and hypothetically re-

act. We call this distance the “reactive distance” rg and the corre-
sponding spherical volume the “reactive volume” vg = (4/3)7r3.
It is important to note that we do not imply any assumption, or
model, about a specific reaction mechanism. We merely count
the number of suitable molecular encounters in abstract ideal gas
mixtures.

For the water splitting direction, a stoichiometric encounter
is a pair of water molecules at a distance smaller than rg, cf.
Fig. [[p. If the total volume is V and the total number of
water molecules is Ny,0, the probability of finding a second
water molecule within the distance rg (i.e. within the reac-
tive volume vg) around any given water molecule is equal tcEI
Nu,0 (vr/V), and the total number of stoichiometric encounters
therefore i Nf{pht = NéZO(VR /V)/2! with corresponding concen-

tration c;pht = NIS{pllt /V =vg "%20 /2!. Similarly, the concentration
of stoichiometric encounters for the water formation direction, cf.

Fig. , is given by cfom =12 c%{2 co,/2!. For equal concentrations

(i.e. rates) of stoichiometric encounters, c%pht = c{{’rm, we find
VR CIZ_IZO/Z! =} clz_lzco2 /2!, and thus
2
Ciy Ci
H,¢0, 1
2 2= =c" 3)
‘mo 'R

We call cR the reactive concentration, which is determined by the
reactive distance rg. For water splitting/formation, the most nat-
ural choice of the latter is the length of a hydrogen bond, rg ~2A,
which yields ¢® = 1/vg = cH,0,0- We therefore define the reactive
concentration of water splitting/formation to be equal to the con-
centration of liquid water at the given temperature

HR(T) = eny0,(T) 4

Upon inserting Eq. (@) into Eq. (B)), we obtain the defining rela-
tion for balanced reactive conditions,

3
2 _(RY _ 3
€, Co, = (c ) = 0. (5)

It is highly interesting to note that this relation is similar to the
previously discussed relation of equal concentration products,
however with an additional water concentration factor on the
right hand side of relation that matches the units on both
sides.

Kinetic reference voltage

At balanced reactive conditions, the concentrations of gas species
fulfill relation (G)). Inserting this into Eq. (2), we define the kinetic

§ According to our definition, we consider ideal gas statistics, i.e. uniform density
distribution and pair correlation function.
9 We divide by 2! to avoid double-counting of pairs of molecules.
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reference voltage

R | R &\
Ukin(T) = Ureo(T) + 2F oe () (cgz.sat> ©

=]
CH2 ,sat

p%l pg2 1/2
(o @)

In the second step, we again applied Henry’s law to define the
reactive hydrogen and oxygen pressures p%z =(R/ ng‘sat) p© and

faY

o RT
= Upey(T) + 2F log

pCR)2 = (CR/ng,sat) p©, respectively. At T = 25°C, we have pﬁz =
71.8 x 10° bar and pgz = 44.2 x 103 bar, and the kinetic reference
voltage is Uy;, = 1.441V. The value of Uy;,(T) is very stable as a
function of temperature, e.g. Uy, (T =80°C) = 1.438V.

It should be noted that the value of the kinetic reference volt-
age depends only weakly on the exact choice of cR. Even a change
by a factor of 8 (change of rg by factor 1/2) shifts Uy, (T = 25°C)
by ~ 0.01V only. The specific choice is most advantageous,
because it makes the kinetic reference potentials of the half-cell
reactions independent of the number of water molecules explic-
itly written in the reaction equations, see below.

Also, Uy, is largely independent of the actual reference pres-
sures p© chosen, because any change of these produces a shift
of UZ, that is compensating the change in the second term in
Eq. (7). Therefore, we can write Uy, ~ Urey <pﬁ27 p&), where
“~” acknowledges that the exact Uy as a function of pressures
generally deviates slightly from the ideal gas behaviour described
by the second term in Eq. (7), especially for such large reac-
tive pressures p%z and pgz. This subtle difference, however, en-
ables a distinct physical interpretation of Uy;,. The ideal gas
term in Eq. serves as a correction of the large entropy dif-
ference contained in UR, that simply arises from the large dif-
ference in the respective product and reactant concentrations.
This concentration-entropy difference is biasing the standard re-
versible equilibrium voltage U3, and it is naturally corrected by
the corresponding concentration-entropy terms of ideal gases. As
a consequence, Uy, acquires the physical meaning of the refer-
ence voltage determined by the reactive excess (rxs) Gibbs free en-
ergy AGr™ of the water splitting reaction, where “excess” means
that we refer all thermodynamic quantities to their reference val-
ues for atomic ideal gases in analogy to the notion of the excess
entropym and where “reactive” indicates that we choose reference
atomic ideal gases at equivalent (balanced) reactive concentra-
tions for each species. This interpretation is further elaborated in
the ESI'.

Definition (€] can be generalised to define the kinetic reference
voltage Uy, for any electrochemical reaction (and the kinetic ref-
erence potential Ey;, for any half-cell reaction). Interestingly, for
simple electrochemical redox couples of the form Red = Ox+e™,
where one reactant complex in solution is transformed via elec-

|| Note that here again, we use the principle of balanced reactive conditions to define
the equivalent atomic ideal gas concentrations used for the correction. This slightly
differs from the usual definition of “excess” where ideal gas correction is performed
using the actual (atomic) concentrations.

4|1
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Fig. 2 Schematic free energy diagram for the electrochemical water split-
ting reaction. The electric energy contribution 2e Uge 2dds to the reactant
side. The gas pressures of product hydrogen and oxygen affect the free
energy of the product side.

tron transfer into one product complex in solution, the kinetic ref-
erence potential Ey;; is strictly equal to the standard equilibrium
potential ES,. Here, standard conditions are already balanced,
CRed = €ox = 1molL~!, and thus log [(c®/cg, ) (c® /cg.y) ~!] =0 re-
gardless of the choice of cR. In the case of water splitting, we con-
sider the kinetic reference voltage, rather than the reversible volt-
age, as the analogue to standard equilibrium potentials of simple
redox couples. We then explain the absence of macroscopic wa-
ter splitting rates at Urey by the significant negative shift of Urey
w.rt. Uy that results from the strong imbalance between the
liquid water reactant concentration and the H, and O, product
concentrations at standard conditions. This situation is analo-
gous to the situation of a simple electrochemical redox couple
with strongly imbalanced concentrations, e.g. cox = 0.001 mol L~
and cgreg = 1 molL~!. According to the Nernst equation, the cor-
responding equilibrium potential Erey(cox,Cred) < Efgy i signifi-
cantly negatively shifted w.r.t. the standard equilibrium potential,
and it is therefore not surprising if no macroscopic reaction rate
Red — Ox + e~ can be observed at Erey(cox,CRed)-

Liquid water electrolysis. Fig. [2| schematically shows the free
energy diagram of the electrochemical water splitting reaction for
water in the liquid state at 7 = 25°C. At the kinetic reference volt-
age Uy, = 1.441V, the water splitting reaction is at equilibrium for
hydrogen and oxygen gases at balanced reactive conditions with
liquid water. These are characterised by the reactive pressures
pgz and pgz, respectively. At Uy;,, the water splitting reaction is
still activated, but for efficient catalyst materials, the activation
barrier AGL,, is sufficiently small to enable macroscopic reaction
rates at cell voltages U = Uyin- Standard hydrogen and oxygen
gas pressures of p© = 1bar are much smaller than the reactive
pressures, and the corresponding Gibbs free energy of the product
side is significantly decreased because of the pressure-dependent
entropy contribution. This, however, does not affect the reactant
side and the transition state at the top of the activation barrier. To
attain equilibrium at standard conditions, the Gibbs free energy
of the reactant side, which includes the electric energy contri-
bution 2eU,q;, must be decreased accordingly by decreasing the
cell voltage to the reversible voltage Urey = 1.229V. We refer to
the difference 1xs = Uyin — Urev as the reactive excess overvoltage,



2.0
- /
i 1.81 Jcell 3
D 17 Tlohm
o 1.6
0 1
= | A= g S
S 151.~/- iMact
— Uyin = 1.441V e
8 1.41
1.31 nrxs
1o Urey = 1.229V
0.0 0.5 1.0 1.5 2.0

Current density j / Acm™>

Fig. 3 Typical polarisation curve of a proton-exchange membrane (PEM)
water splitting electrolyser utilising water in the liquid state. In the pre-
sented current density range, the mass-transport overvoltage nm is neg-
ligible and therefore not shown. The kinetic current density curve jyin is
obtained after subtracting the ohmic overvoltage nonhm = Ricen from the
cell voltage U. The difference between the voltage defined by the jin-
curve and the kinetic reference voltage Uy, is the activation overvoltage
Nact- The reactive excess overvoltage ns results from the strong imbal-
ance between the liquid water reactant concentration and the H, and O,
product concentrations at standard conditions.

because it is equal to the excess free energy difference between
standard conditions and balanced reactive conditions, see above
and ESIT. At Uy, the water splitting reaction must overcome
the sum of 7 +AG§ct, which is prohibitively large. As a conse-
quence, water splitting is not detectable at or near Urey, and the
voltage region Urey < Ugq < Uyip remains largely inaccessible in
the electrolysis of water.

Therefore, we suggest to (re-)define the activation overvolt-
age by Nact = UG — Ukin, Where USJ" = Ucell — Tlohm — 7Imt is the
corrected cell voltage after subtraction of the ohmic overvoltage
Nohm = Ricen and possible mass-transport overvoltages 1. To-
gether with the reactive excess overvoltage nrxs defined above,
the total overvoltage 1 = Ucej — Urev = Mrxs + Nact + Nohm + Nmt
then splits into four contributions. Generally, up to medium scale
current densities, the mass-transport overvoltage Ny is not rele-
vant. The other three overvoltage contributions are shown for a
typical polarisation curve of a proton-exchange membrane (PEM)
electrolyser in Fig.[3| The ohmic overvoltage 1y, can be reduced
by decreasing the ionic and electronic resistances, and the activa-
tion overvoltage 1.t through improved electrocatalyst materials.
The reactive excess overvoltage nrxs can be reduced by increasing
the electrolysis pressure level, which shifts the reversible voltage
upwards towards the kinetic reference voltage that remains un-
affected. This strategy enables energy recovery by high-pressure
electrolysis operation, as discussed later.

It is interesting to note that the value of Uy, lies close to the
thermoneutral voltage Uy,,. The kinetic reference voltage there-
fore naturally predicts that macroscopic water splitting rates only
set in sufficiently close to isenthalpic conditions, which is in per-
fect agreement with the observed onset of water splitting around
Uee = 1.4-1.5V, e.g. in polymer electrolyte electrolysers.>®

Steam electrolysis. How does the kinetic reference voltage
change when going from liquid water electrolysis to high-
temperature steam electrolysis? The reversible voltage is contin-
uous as a function of temperature at the liquid—steam phase tran-
sition because of the equality of the Gibbs free energies of liquid
and gaseous water at equilibrium. E.g., UZ, (T = 100°C) = 1.167V
both for liquid water and for steam at p© = 1 bar. In contrast,
the kinetic reference voltage is discontinuous at the liquid-steam
phase transition, because of the discontinuous change in density,
and thus concentration. Inserting the corresponding liquid wa-
ter molar concentration®? and molecular hydrogen™> and oxy-
gen® solubilities at T = 100°C into Eq. (@), we obtain U]iij?luid(T =
100°C) = 1.435V. In the case of steam electrolysis, the steam con-
centration term must be taken into account, because it is different
from the reactive concentration Eq. (@), resulting in

1/2 “1
. RT R R R
UGsd™(T) = Upey(T) + oF log ( = ) < =) ) ( =)
“Hy./ \€0, “H,0.,5

®

where Cﬁzﬁ o ngﬁg’ and ngo, , are the concentrations of Hy, O,,
and H,O in the gas phase at given temperature T and standard
pressures pa = p(e)2 = pIiO,g = lbar. Assuming ideal gas be-
haviour, the gaseous concentrations are equal to ng, ¢ = ng, ¢ =
CHog= C?ieal.g = p®/RT, which evaluates to Cileal.g(T =100°C) =
32.23 x 1073 mol L~!. Together with ¢?(7 = 100°C) = cp,0¢(T =
100°C) = 5321 molL~1,*% ¢f  Eq. (@), we obtain USe™(T =
100°C) = 1.226 V. It makes perfect physical sense that Ulfitflam is
reduced by 0.209 V compared to U]g.?lmd. In steam electrolysis, the
cohesive energy of liquid water does not have to be overcome by
the splitting reaction, which can be quantified by the latent heat
of vaporisation of 0.423 eV per H,0 at T = 100°C.*? Dividing this
by 2e (per split water molecule) almost precisely results in the
difference U}l:;md —Uteam - Steam electrolysis involves a much
smaller reactive excess overvoltage 7)xs compared to liquid water
electrolysis, and it enables operation close to the reversible volt-
age. However, the vaporisation heat must be provided at the pre-
heating stage before the electrolyser. This effect could contribute
to the recently observed overpotential reduction by in operando
magnetic heating of electrocatalyst nanoparticles,®? where the
magnetic heating power must be taken into account in the total
energy balance.

pH-effect in HER and OER electrocatalysis

The analysis of kinetic reference potentials also offers an expla-
nation for the pH-effects of the hydrogen and oxygen evolution
reactions, HER and OER, respectively, and it further provides im-
portant insight into the corresponding reaction mechanisms. For
a half-cell reaction like HER or OER, we refer to electrode poten-
tial E rather than cell voltage Uy.

Hydrogen evolution reaction.
cording to

The HER in acid proceeds ac-

2H;0" + 2e” = H, + 2H,0 9
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and in alkaline according to
2H,0 + 2¢~ = H, + 20H" (10)

The different nature of reactions (@) and has been used as
an explanation for the faster apparent kinetics of the HER in acid
vs. alkaline. 4045149 However, both reactions are coupled via the
water autoprotolysis reaction

2H,0 = H3;0" + OH~ (11)

and it has been argued that the fast rate of water autoprotoly-
sis essentially equalises reactions (9) and (T0).24¢ Instead, to
explain the pH-effect, it was proposed that the pH-value could in-
fluence the binding energies of HER reaction intermediates at the
electrocatalyst surface.*l42 Other authors suggested an entropic
barrier for the proton transfer at the electrocatalyst surface, 4648
or a larger reorganisation energy of the interfacial water layer="
to explain the slower kinetics in alkaline conditions. Whereas
such effects clearly influence HER rates in acid vs. alkaline, an-
other perspective on the pH-effect is revealed by an analysis of
the kinetic reference potentials. Using the reactive concentration
Eq. (@), the kinetic reference potentials of the HER in acid and in
alkaline are given by

RT R 2 R -1

HER,acid _ ,pH=0 C C

Eyin = Eppp + ﬁl‘)g < 5] ) (ce ) 12
H,,sat

RT R -2 R -1
= C C
EEER’aIk = EII;II:IIE 14 + — lOg (Q) ( = > (13)
2F S Cw
OH H,,sat

respectively, where the corresponding standard concentrations
= ch, = 1molL~!, and where E};{ggo and EEEEM
are the reversible equilibrium potentials (reversible hydrogen
electrode, RHE) at pH=0 and pH=14, respectively. Because
of the specific choice of the reactive concentration Eq. (@), no
water concentration correction terms appear in and (13),
which demonstrates the advantage of this choice. At T = 25°C,
the kinetic reference potentials are EEER’add = Eggg 0 _0.041V

o
are ¢y o+

HER,alk H=14 H=0
and E = EEHE —0.247V, where EEHE = 0Vys. sug and
EEEE_ 14— _0.828Vys gup. Thus, to obtain intrinsic energetic

alignment between HER reactant and product states, the elec-
trode potential must be shifted negative w.r.t. the respective RHE
potentials. In acidic conditions, this shift of —0.041V is rather
small. Since concerted proton-electron transfer is extremely fast,
it is not surprising that significant HER rates are already observ-
able, e.g. on a Pt electrode, at the RHE potential slightly above
the kinetic reference potential in acidic electrolyte. However, in
alkaline conditions, the kinetic reference potential lies —0.247V
negative from the RHE potential. Thus, comparing HER exchange
current densities at RHE potentials implies different reactive ex-

cess overpotentiald**| nHER = EHER _ ppyp in acid vs. alkaline,
and nHERAK ip alkaline is —0.206 V more negative than niLroacid

+* Because the HER is a reduction reaction, 7N is negative.
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in acidic conditions. We believe that this difference is one funda-
mental origin of the pH-effect in the electrocatalysis of HER and
HOR (hydrogen oxidation reaction).

There are several points that support this view: Firstly, the
present analysis is universal for any electrocatalyst, which agrees
with experimental findings that the pH-effect was very similar for
Pt/C, Ir/C, and Pd/C.*L Secondly, using the experimentally deter-
mined alkaline HER Tafel slope of approx. 120 mV per decade,“!
the additional —0.206V of the reactive excess overpotential in al-
kaline conditions (compared to acid) translates into a change of
the kinetic HER current by a factor of approx. 50, which could
represent a significant fraction of the experimentally observed
factors of approx. 100-200 between the HER exchange current

densities going from alkaline to acidic conditions. %1

Thirdly and most importantly, the —0.206V difference can
be directly traced back to its physical origin. The equilib-
rium constant of the water autoprotolysis reaction is com-
monly given as K¢ = 1.0 x 10~ (molL~1)2. However, the
water concentration factor is not included in this constant,
and the truly intrinsic equilibrium constant is given by Kgq =
(Ciﬂw) (cqu) /(ei,0)” = K9/ (ca,0)° = 3.265 x 10718, This
corresponds to a water dissociation energy of —RT log (Kg )=
99.81kJmol ! = 1.034 eV, which is exactly equal to the absolute
difference between the HER kinetic reference potentials in acid
and in alkaline, ESER’alk — EEER’add = —1.034V. The RHE poten-
tial shift of ER- '+ — ERHI-° = —0.828V going from acidic (pH=0)
to alkaline (pH=14) conditions is not sufficient to provide the
necessary extra energy of 1.034 eV for water molecule dissocia-
tion, reaction (I1)), and therefore an additional —0.206 V potential
shift is required to obtain balanced energetic conditions for water
dissociation in alkaline environment. Thus, the present analysis
clearly identifies protolytic water dissociation as the rate limit-
ing step at the RHE potential in alkaline electrolyte, as previously
proposed by other authors. 4042149

This conclusion has been challenged with the argument that
the water dissociation reaction is extremely fast,41146 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 estimation demonstrates this point, assuming that
all protons donated from water molecules within a distance of
1nm from the electrocatalyst surface are available for HER. The
rate constant of the hydronium-hydroxide recombination reac-
tion was reported with a value krec = 1.3 x 101 s=1 (mol L=1)~1, ol
yielding a total recombination rate of Rrec = ceH(im cqu, krec =
1.3 x 103 molL~'s™!, which, at equilibrium, is equal to the
total water dissociation rate. Within the 1nm-thick surface
layer, it corresponds to 1.3 x 10713 molem~2s~! water dissoci-
ation events, each of which contributing one proton. There-
fore, the limiting (un-biased) HER current density would equal
1.3 x 107 BFem 257! = 12.5 x 1072 Acm~2, which is negligibly
small. Thus, the water protolysis step is most likely rate limit-
ing for HER in alkaline conditions, and feasible HER rates require
strong promotion of water protolysis by the presence of a catalyst
surface and strong electrostatic fields within the electrochemical



double-layer.

Oxygen evolution reaction. The OER in acid proceeds accord-

ing to
3H,0 = %02 + 2H;0" + 2e” (14
and in alkaline according to
20H = %02 + Hy0 + 2¢~ (15)

The corresponding kinetic reference potentials are given by

RT R\ 2 RO\ 12
OER,acid _ pH=0 C C
Ban " = Foom + o5 o8 (b ) (@ ) 0
H;0* O, ,sat
) 1/2
R R
OERalk _ ppH=14 , RT c ¢
Egn ™" = Egopr + o log < e ) ( = >
OH~ 0, sat
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respectively, where the corresponding standard concentrations
are c§30+ = ch, = 1molL~!, and where E(E’,%EE and Eg 1({);1%4 are
the reversible equilibrium potentials of the OER at pH=0 and
pH=14, respectively. Again, because of the specific choice of
the reactive concentration Eq. (4), no water concentration cor-
rection terms appear in and (I7). At T = 25°C, the ki-

. . OER,acid _ pH=0
netic reference potentials are E; = Ejopr +0.172V and

OER,alk H=14 H=0
Epy ™ = Efopr . — 0.034V, where Ef g = 1.229 Vys sup and

E(li g;é“ = 0.401 Vys syg. Thus, to obtain energetic alignment be-
tween OER reactant and product states at balanced reactive con-
ditions in acid, the electrode potential must be shifted positive
w.r.t. the reversible equilibrium potential, and the resulting ki-
netic reference potential is El?iER’aCid =1.401V vs. RHE(pH=0). It
is highly interesting to note that this value agrees very well with
experimentally observed OER onset potentials in acid around 1.4-
1.5V vs. RHE(pH=0) for the best catalysts, e.g. RuO, and
Ir02.15 29162163! Fyrthermore, based on linear relations between
the binding energies of OER reaction intermediates at the elec-
trocatalyst surface, a volcano plot of OER activities was con-
structed, 12164/ and the top of the volcano, i.e. the optimal catalyst
under the restriction of the linear scaling relations, was predicted
at a potential around 1.5V vs. RHE(pH=0). Based on the present
analysis, catalyst design strategies to achieve further significant
reduction of the OER overpotential in acidic conditions appear
optimistic. In alkaline conditions, however, an entirely differ-
ent situation is found: The kinetic reference potential is shifted
slightly negative w.r.t. the reversible equilibrium potential and
equals ESER’alk =1.195V vs. RHE(pH=14). Thus, on the respec-
tive RHE scales, the OER kinetic reference potential in alkaline is
approx. 0.2V lower than in acidic electrolyte. From the present
analysis it appears possible that further improvement of OER elec-
trocatalyst materials in alkaline conditions could enable OER on-
set potentials approaching the reversible equilibrium potential.
Indeed, there exist experimental reports of certain electrocatalyst
materials exhibiting OER activity at overpotentials < 0.1V w.r.t.
RHE in alkaline electrolyte, 2232

High-pressure Recovered Work

Electrolyser
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Fig. 4 Schematic process for energy recovery by high-pressure electrol-
ysis combined with downstream turboexpanders that recover useful work
from expanding high-pressure output gases.

Pressure effect and energy recovery

The present analysis also provides insight into the pressure ef-
fect in water electrolysis. At T = 25°C, the kinetic reference volt-
age Uy, = 1.441V is 0.212V larger than the standard reversible
cell voltage. This difference, i.e. the reactive excess overvolt-
age Txs, results from the very low concentrations of the H, and
O, product gases, C/i;i\z,sat and ng,sat’ respectively. Whereas these
concentrations affect the rate of the water formation reaction
H, +1/20, — H,0, they do not directly affect the reverse direc-
tion, i.e. the water splitting rate. At the kinetic reference volt-
age (7), the H, and O, gases are evolved at intrinsic pressure
levels around the reactive pressures pﬁz and pgz, respectively,
which are > 1000bar, vide supra. Subsequently, the produced
gas molecules escape from the electrolyte to the gas phase, e.g.
by forming bubbles, thereby expanding to the externally defined
pressure level of the respective electrolyser compartment. There-
fore, as long as the water formation reaction (reverse direction) is
negligible, which is generally the case for feasible operation con-
ditions, the electrolyser pressure can be increased up to pressure
levels of 1000 bar without increasing the cell voltage, i.e. elec-
trical power input, at a given current density. This explains why
experimental polarisation curves in high-pressure electrolysis did
not shift to larger cell voltages.2154

Energy recovery by high-pressure operation. This effect en-
ables energy recovery via high-pressure electrolysis. Firstly, high-
pressure electrolysis can provide pressurised hydrogen “for free”
for compressed storage.®¥ Alternatively (or additionally), the
high-pressure hydrogen and oxygen output gases could be ex-
panded in expansion turbines (turboexpanders), thereby per-
forming useful work, e.g. to drive a generator or some balance of
plant equipment, as shown in Fig. |4} Adiabatic gas expansion in-
side turboexpanders from the electrolyser operation pressure pg
to the final pressure p; < pp would yield a recovered work

11
W= nRTy —— |1— (@) ! (18)
y—1 p1

where n is the molar amount of gas molecules, Ty is the input
gas temperature, and 7 is the heat capacity ratio of the expanding
gas, i.e. Yy~ 1.4 for both H, and O,. For an electrolyser operation
temperature Ty = 80°C and pressure py = 100 bar with subsequent
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expansion to p; = 1 bar, we obtain W /n =5.37 kJmol~!, which, in
the limit pg/p; — o, increases to 7.34kJmol~!. Considering one
H, and 1/2 0, molecules evolved per H,O involving the flow of
2e~, these energy recovery values are equivalent to a reduction
of the cell voltage by 0.042V and 0.057 V, respectively. For an elec-
trolyser operation voltage of U ~ 1.8V, this corresponds to an
energy efficiency gain of the order of 2-3%. Furthermore, the out-
put gases of the adiabatic expansion process are extremely cold,
which could be useful for cooling or liquefaction purposes.

If, instead, the output gases were expanded in an ideal
isothermal process, the recovered work would equal W =
nRT log(po/p1). Although isothermal expansion is practically dif-
ficult to achieve, it is interesting to note that if pg is set equal to
the reactive pressures pi /0, and p; = p® = 1bar, the recovered
energy from isothermal expansion would be exactly equivalent to
the voltage difference between the kinetic reference voltage Uy,
and the standard reversible cell voltage US,. From a theoretical
perspective, high-pressure electrolyser operation at pressure lev-
els around pPRIZ /0, and voltages close to Uy, in combination with
energy recovery from isothermal gas expansion would thus bring
the reversible efficiency &y close to 100% (based on atmospheric
gas pressures). Although this is highly idealised, we conclude
that high-pressure operation offers an intrinsic means for energy
recovery in electrolysis of water.

Conclusions

The reversible equilibrium potential (or voltage) is not suited as
an intrinsic kinetic reference for the electrochemical water split-
ting reaction in the liquid phase, because it is biased by the very
low H, and O, product concentrations while, in fact, the latter do
not directly influence the water splitting reaction direction. This
imbalance is compensated in the definition of the kinetic refer-
ence potential (or voltage) by considering balanced reactive con-
ditions for both reactants and products. The kinetic reference
potential (or voltage) represents an intrinsic reference for kinetic
analysis and it provides natural answers to several fundamental
questions in the electrocatalysis of water splitting:

e Being numerically close to the thermoneutral voltage, the
kinetic reference voltage explains why feasible water elec-
trolysis rates set in only close to isenthalpic conditions, sig-
nificantly above the reversible cell voltage.

e The pH-effects in HER and OER are quantified by pH-
dependent shifts of the respective kinetic reference poten-
tials vs. the corresponding reversible potentials. The physi-
cal origin of these shifts is the protolytic water dissociation
reaction which is rate limiting at the RHE potential for HER
in alkaline conditions.

e The reason for the surprising pressure insensitivity of polar-
isation curves in high-pressure electrolysis is physically ex-
plained by the forward reaction, i.e. water splitting, being
independent of the product concentrations. Only the rate
of the reverse reaction, i.e. water formation, is increased
at higher pressures of hydrogen and oxygen, but this rate is
negligible at (and above) the kinetic reference voltage even
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for large operation pressures.

In this way, the analysis of the kinetic reference potential re-
veals an intriguing connection between kinetic overpotentials,
pH-effect, and pressure effect in the electrolysis of water. It
further identifies alkaline OER as the most promising route for
further electrocatalytic improvements. In acidic conditions, OER
electrocatalyst materials such as IrO, and RuO, already provide
OER activity close to optimum, and OER electrocatalysis research
should focus on reducing noble-metal content. Furthermore, our
analysis identifies high-pressure electrolysis as a means for energy
recovery via subsequent expansion of pressurised output gases.

We believe that the concept of balanced reactive conditions and
the kinetic reference potential will also reveal intriguing insight
into the kinetics of other (electrochemical) reactions that involve
large concentration changes, e.g. electrocatalytic carbon dioxide
reduction or photocatalytic water splitting.
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