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The role of cation acidity on the
competition between hydrogen
evolution and CO, reduction on
gold electrodes

This chapter is based on Monteiro, M. C. O., Dattila, F., Lopez, N., Koper, M. T. M.
J. Am. Chem. Soc., DOI: 10.1021/jacs.1c10171 (2021)



Chapter 9

Abstract

The electrochemical CO, reduction (CO,RR) is a sustainable alternative to the
exploitation of fossil resources for producing fuels and chemicals. Metal cations in
the electrolyte have a strong impact on the reaction activity and selectivity. To date,
mainly alkali cations have been studied in detail, although experimental and
theoretical works suggest that multivalent species might be even better candidates.
Still, little is known regarding how these multivalent ions affect CO,RR and, more
importantly, the competing hydrogen evolution reaction. In this work, we elucidate
these phenomena by studying these reactions on polycrystalline gold electrodes in
electrolytes containing Li*, Cs*, Be?*, Mg?*, Ca?*, Ba?*, AI**, Nd3* and Ce** (pH = 3).
We observe that cations have no effect on proton reduction at low overpotentials,
but at more alkaline surface pH the more acidic cations (Be?*, Al**, Nd3*, and Ce**)
undergo hydrolysis, generating a second proton reduction regime. We find that the
activity and onset for the water reduction reaction correlate with cation acidity, with
weakly hydrated trivalent species leading to the highest activity. This has important
implications for CO,RR, as we find that these acidic cations only favor CO,RR at low
overpotentials and in acidic media. At high overpotentials (equivalent to
neutral/alkaline pH at the surface), the activity for CO increases in the order Ca?* <
Li* < Ba?* < Cs*, showing that to favor this reaction there has to be an interplay
between cation stabilization of the CO,™ intermediate, cation accumulation at the
Outer Helmholtz Plane (OHP), and activity for water reduction. Ab initio molecular
dynamics simulations with explicit electric field confirm that, showing that cation
acidity is key to rule cation concentration at the interface and H,O reduction activity.
Non-acidic cations at the metal surface show lower repulsion, so they accumulate
more at the OHP and trigger local promoting effects. Water dissociation kinetics is
increasingly promoted by strongly acidic cations (Nd3*, AI**), in agreement with
experimental evidence. Larger hydrated radius cations (Cs*, Ba?*, Nd*) coordinate
to adsorbed CO, steadily, thus they enable CO,™ stabilization and subsequent
barrierless protonation to COOH and further reduction products.
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The role of cation acidity on the competition between HER and CO.RR

9.1 Introduction

The electrochemical reduction of carbon dioxide (CO,RR) offers a sustainable
pathway to produce fuels or base chemicals, without relying on finite and non-
renewable resources such as oil and gas.'* During CO,RR in aqueous electrolyte,
the hydrogen evolution reaction (HER) occurs concomitantly, which may
significantly lower the faradaic efficiency of CO,RR.4® Depending on the reaction
conditions, specifically the electrolyte pH, the production of hydrogen can either
happen through the direct reduction of protons (2H* + e~ — H,) or the reduction
of the solvent itself (2H,O + 2e~ — H, + 20H"). Different strategies have been
adopted to favor CO,RR over HER, such as enhancing mass transport®, using porous
catalysts’® or modifying the catalyst surface.® Another approach is to change the
electrolyte composition, since the cation identity, for instance, is known to highly
influence both the CO,RR%1? reaction and HER'** rates. Up to now, mainly alkali
cations have been employed for CO,RR, but recent theoretical work suggests that
multivalent cations may lead to an even larger enhancement of the reaction
activity.! Still, in order to use that in favor of the CO,RR in aqueous media, one also
has to understand how cation properties affect the competing HER.

Since the work of Hori and co-workers it is known that the species in the
electrolyte can influence the product selectivity and faradaic efficiency of the
CO,RR¥>Y Due to the strong effect that cations have on CO,RR, mainly alkali
metals in neutral or alkaline media have been investigated using copper®, silver!®
or gold®? electrodes. It has been established that the CO,RR activity increases in
the order: Li* < Na* < K* < Cs*. Three main theories have been suggested to explain
this trend, namely: local buffering at the interface?, changes in the (local) electric
field*12223 and electrostatic interactions with reaction intermediates???*. In Chapter
8, we elucidated that the key role of cations on CO,RR to CO is to stabilize the
negatively charged reaction intermediate, CO,~.% Specifically, we observe that
without a metal cation in the electrolyte, CO is not produced on gold, silver, and
copper electrodes. Through ab /nitio molecular dynamics simulations, we showed
that besides the medium-range electric field/adsorbate dipole interaction at the
interface, there is an explicit short-range local electrostatic interaction between the
partially desolvated metal cations and CO,. Additionally, we observe that the activity
trend reported for alkali cations originates both from different cation surface
concentrations at the Outer Helmholtz Plane (OHP) and their different intrinsic
ability to coordinate to adsorbed CO;. In the alkali cations group, these vary from
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Chapter 9

low concentrations and almost no bond for Li*, to higher concentrations in the OHP
and almost double coordination between cation and CO, oxygens for Cs*.

Considering the previously discussed key role of cations on CO,RR, it would
be attractive to find cationic species that can have an even larger stabilizing effect
on CO, than Cs*, and perhaps accumulate at the OHP at higher concentrations,
such as large multivalent cations?® or surfactants?’. One of the few experimental
works on the effect of multivalent cations on CO,RR was carried out by Schizodimou
and Kyriacou?®, who reported that multivalent cations increase the rate of CO,RR
on Cu(88)-Sn(6)-Pb(6) electrodes in highly acidic media (1.5 M HCl) and low
overpotentials (-0.65 V vs. Ag/AgCl). The authors observed that at more negative
overpotentials, the effect of the cations was less pronounced, and this was
attributed to a change in the reaction rate determining step. Although the
electrolysis was performed for 2 hours in each electrolyte, no comment was made in
terms of salt deposition and/or electrode stability, which are factors that could
strongly influence the cation trends observed. For example, in our recent work on
polycrystalline gold electrodes, after one HER cyclic voltammogram from 0 to -1.2 V
vs. RHE at 50 mV st in Al,(SQO,); (argon saturated, pH 3) we observe deposition of a
porous aluminium hydroxide layer on the whole surface.?® Density functional
theory (DFT) calculations presented in the work of Ringe et al.l! also suggest that
multivalent cations can have a beneficial effect on the activity of CO,RR. They
predicted the effect of cations on the activity towards CO on Ag(111) electrodes at —
1 V vs. RHE (in a nominal 0.1 M electrolyte) and proposed that species such as
Be?*, APP*, Ba?* and La®*, in theory, should exhibit up to two orders of magnitude
higher activity for CO than Cs*, since their larger charge would enhance the
interfacial field. In contrast, Bhargava et al.?® recently reported that multivalent
cations hinder the electrochemical reduction of CO, to CO on silver gas diffusion
electrodes, due to the formation of deposits that block Ag active sites. Despite these
interesting predictions and results, in the work of Schizodimou and Kyriacou?,
Ringe et alll, and Bhargava et al.?®, the effect of multivalent cations on the
competing hydrogen evolution reaction was not discussed. How cations influence
the activity of the competing HER on copper surfaces has not been studied in detail.
However, on gold and silver electrodes, for instance, the activity for water reduction
in alkaline media increases in the order Li* < Na* < K* < Cs*, in solutions of neutral
to alkaline pH, and relatively low cation concentration.'*3° In acidic media, we
previously observed that alkali cations have no significant effect on proton
reduction?, while Al** seems to give rise to an additional proton diffusion limited
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The role of cation acidity on the competition between HER and CO.RR

regime at more cathodic potentials.?® However, to fully understand the interplay
between CO,RR and HER activity, and how cation properties (hydration radius,
charge, etc.) play a role, a more systematic study is required.

Therefore, in this Chapter we have studied HER and CO,RR on polycrystalline
gold electrodes with the aim to determine how different mono- and multivalent
metal cations (Li*, Cs*, Be?*, Mg?*, Ca%*, Ba?*, APP*, Nd3*and Ce**) affect the
individual reaction rates. We find that acidic cations with a moderate hydration
radius (Nd3*, Ce3*), promote CO,RR in acidic media/low overpotentials, while the
non-acidic, weakly hydrated Cs* is the cation that promotes CO,RR the most in
alkaline media/high overpotentials. These differences come from the extreme
promotional effects that acidic cations have on water reduction at high
overpotentials. We further probed the interaction of the different cations with water
and CO; using ab initio molecular dynamics simulations with an explicit applied
electric field and explicit solvation. The simulations highlight three key parameters
for CO,RR performance ruled by cation acidity: cation accumulation at the OHP,
water dissociation kinetics, and cation-CO, coordination. Overall, in this work, we
elucidate through a combination of experiments and simulations which cation
properties are important to consider when designing an optimal electrolyte for the
CO,RR system.

9.2 Effect of alkali cations on proton, water, and CO, reduction

To better understand how different metal cations (M”*) affect the competition
between the CO, reduction reaction (CO,RR) and hydrogen evolution (HER), we
studied these reactions through cyclic voltammetry using polycrystalline gold
electrodes. First, we studied the effect of alkali cations on HER and CO,RR in acidic
electrolytes (pH 3, 0.1 M M,SQO,), with M™ = Li*, Na*, K* and Cs*. Hydrogen
evolution was carried in argon purged solutions as shown in Fig. 9.1a, where a
cathodic current due to proton reduction starts at about -0.35 V vs. SHE and a peak
due to proton diffusion limitation is observed at —0.66 V vs. SHE. At more negative
potentials, the current decreases as the diffusion layer thickness increases. We find
that the cation identity does not affect the proton reduction current, both in the
kinetic and diffusion limited regimes, in agreement with our previous work where
the reaction was carried out in more dilute electrolytes.?> We also performed cyclic
voltammetry (CV) in CO, atmosphere (Fig. 9.1b) in order to distinguish the HER
current from the CO,RR current. At potentials more negative than —0.6 V vs. SHE,
an increase in the total current is observed in the order Cs* > K* > Na* > Li*.
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Chapter 9

Moreover, CO, reduction happens in parallel to proton reduction already at low
overpotentials, with Cs* leading to the highest activity. As the potential is scanned
more negatively and the concentration of protons near the surface decreases, a
kinetic reduction current appears, which is a contribution from both water and CO;
reduction and follows the same cation trend. In a consecutively recorded positive-
going scan (inset of Fig. 9.1b) a faradaic current is observed due to the oxidation of
the CO produced after polarizing the electrode negatively, which in this work we
employ as a semi-quantitative analysis of the amount of CO produced. Blank CVs
of the gold electrode before the measurements are shown in Fig. F.2 in Appendix F.

This consecutive cathodic/anodic voltammetry is used here as a semi-
quantitative tool to selectively probe the amount of CO produced during CO,RR as
a function of potential, /n situ, and with high sensitivity. Basically, after polarizing
the gold electrode at different negative potentials, a positive-going scan is recorded
until 1.3 V so the CO produced in the cathodic scan is directly oxidized at the
electrode surface. After each measurement, the electrode potential is held for 4 min
in the double layer region to restore the diffusion layer and bring the pH near the
surface back to the bulk pH at the beginning of each cycle. The voltammetry of
these potential opening experiments can be seen in Fig. F.3 in Appendix F, for
measurements performed in CO, saturated 0.1 M M,SO,4, pH = 3. The amount of
CO produced at every potential was obtained by integrating the CO oxidation CVs
and subtracting the double layer charge. We see in Fig. 9.1c that the activity for CO
production increases in the order Li* < Na* < K* < Cs* in the whole potential range.
This trend is in agreement with literature and our previous work?, showing that the
consecutive cathodic/anodic voltammetry method presented here is a reliable tool
to probe activity for CO with high sensitivity. However, here we see that in the Cs*
and K* electrolyte more CO is produced already at lower potentials than in Na* and
Li* (see the figure inset). This is due to the higher concentration of these weakly
hydrated cations near the surface at these potentials, and the higher capability of
Cs* and K* to coordinate with the adsorbed CO, reaction intermediate.?> Similar
experiments as shown in Fig. 9.1a and Fig. 9.1b were carried out in alkaline media
(0.1 M MHCOs) and are shown in Fig. F.5a and Fig. F.5b in Appendix F. We find that
the activity for water reduction is higher in solutions containing weakly hydrated
cations, and increases in the order: Li* < Na* < K* < Cs*, in agreement with what
was previously reported by Xue et al. for HER on Au(111) in MOH electrolytes.*® The
activity for CO; reduction in bicarbonate electrolyte also follows the same trend
with alkali cation identity as water reduction, which means that differently from
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Fig. 9.1. Cyclic voltammetry of a) proton reduction and b) CO; reduction in acidic media
(0.1 M M3S04, pH = 3). ¢) Amount of CO produced as a function of potential, obtained by
consecutive cathodic/anodic voltammetry.

acidic media, here the alkali cations cannot be used to exclusively favor the CO,
reduction reaction over HER. Here, we observed that alkali cations do not have any
effect on proton reduction, while the activity for CO,RR to CO and water reduction
increases in the order: Li* < Na* < K* < Cs*. We see that the consecutive
cathodic/anodic voltammetry method which we present here can be used to
reliably probe activity for CO even at low overpotentials, which will be valuable in
the next section when we look at multivalent cation species. The advantage is that
we are not strongly hindered by detection limits, which is the case for other
commonly used product detection techniques, such as gas chromatography. In the
next sections we probe the effect of mono- and multivalent cations, first on
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hydrogen evolution (proton and water reduction) and then on CO, reduction, both
experimentally and through simulations.

9.3 Effect of multivalent cations on proton and water reduction

To further elucidate which cation properties determine the activity for HER,
we performed cyclic voltammetry on polycrystalline gold at pH 3 in electrolytes
containing the following mono- and multivalent metal cations: Li*, Cs*, Be?*, Mg?*,
Ca?*, Ba?*, APP*, Nd3*, and Ce?*.In acidic media (pH = 3) all cations investigated are
fully soluble, although we have previously reported that acidic cations such as AIP*
may reversibly deposit on gold as layered hydroxides during HER, upon an increase
in the local alkalinity caused by the surface reaction.?® To minimize this possible
deposition, either 0.1 M Li,SO4 or 0.2 M LiCIO, were used here as background
electrolytes and only 1% of a given mono- or multivalent cation M”* was added to
the solution. 1 mM M"* was added to 0.1 M Li,SO4 background, and 2 mM M"*
added to the 0.2 M LiClO,, keeping the Li* concentration and the M"*/Li* ratio
constant. Solutions of these two anions were used because not all
sulfate/perchlorate salts containing the multivalent cations are available or soluble.

Additionally, using a Li* containing electrolyte as background allows us to
normalize the data to the results in pure Li*, and to consequently make a qualitative
comparison between sulfates and perchlorates. The following cations were studied
in the Li;SO, electrolyte: Cs*, Be?*, Mg?*, AI**, Nd3*, and Ce3**; while Ca?* and Ba?*
were added to LiCIO,. We performed the measurements in argon saturated
electrolyte and evaluated how the different cations influence the activity for proton
(at low overpotential) and water reduction (at high overpotential). The HER cyclic
voltammetry is available in Appendix F together with the blank voltammograms of
the gold electrode, recorded before each measurement (Fig. F.8 and Fig. F.9). In the
cyclic voltammetry (Fig. F.9), we see that similarly to the alkali cations, the
multivalent species do not affect the current of the first regime of proton reduction
(cathodic peak at low overpotential). Although the metal cation in solution does
not seem to have an effect, comparing the proton reduction current obtained in the
sulfate and perchlorate electrolytes (both pH 3), a more negative proton reduction
current is found in sulfate. This is due to the stronger buffer capacity of the sulfate
electrolyte, which leads to less changes in local pH and consequently a higher
proton concentration at the electrode/electrolyte interface.
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Fig. 9.2. Effect of multivalent cations on HER. a) Normalized activity for water reduction
extracted from the hydrogen evolution voltammetry performed at pH 3 in 0.1 M Li;SO4 + 1
mM M”* electrolytes with M™* = Li*, Cs*, Be?*, Mg?*, A**, Nd3*, Ce3* and 0.2 M LiClO4 + 2
mM M7* with M”* = Ca?*, Ba®*. The normalization was done by dividing the water reduction
current density (at -1.1 V vs. RHE) in 0.1 M Li;SO4 + 1 mM M™ by the current density
obtained in pure 0.1 M Li;SO4. The same was done for the measurements in perchlorate. b)
Potentials at which the activity for water reduction strongly increases, obtained by taking the
derivative of the CVs from Fig. F.7a and the CVs for Ba?* and Ca?* from Fig. F.7b. All
electrolytes were saturated with argon prior to the measurements. Error bars (s.d.) were
calculated based on three individual measurements.
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While the effect of multivalent cations on proton reduction at low
overpotential is subtle, we see in Fig. F.9 that they have a strong effect on water
reduction, with much more pronounced differences than previously observed for
the alkali cations (Fig. F.5, Appendix F). Fig. 9.2a shows a comparison of the
activity for water reduction in the presence of the different cations, normalized to
the activity obtained in the pure lithium (sulfate or perchlorate) electrolytes. The
activity is compared in terms of the water reduction current density obtained at -
1.1 V vs. RHE, with the exception of Li*, Mg*, and Cs* that only show high activity
for water reduction at more negative potentials. For these, the current density at —
1.2 V vs. RHE was used. We see in Fig. 9.2a the relative activity plotted as a
function of the cation acidity, which is defined as the ratio of the cation charge
and its ionic radius (derived from the Born equation)3’. Trivalent cations and Be?*
lead to the highest activity for water reduction, whereas the divalent and
monovalent species give a much lower (and similar) activity. In fact, within a
valence group, we observe that the highest activity is always found for the
weaklier hydrated cations: Nd** and Ce3**, Ba?* and Cs*. This is likely due to their
higher concentration at the OHP at a given potential. In Fig. 9.2b we see the effect
of the different cations on the potential at which there is a strong increase in the
activity for water reduction. This was determined by taking the derivative of the
cyclic voltammograms from Fig. F.7 (Appendix F) and extracting the potential
where there is a change in slope. This represents the potentials at which the water
reduction current significantly increases, which are shown in Fig. 9.2b for the
different cations. We observe that both the activity and water reduction “onset”
potential show a strong correlation with the cation acidity. Even though the
cations with a smaller ionic radius are more acidic, leading to weaker hydrogen
bonds in the water molecules in their hydration shell, their high hydration/
solvation energy hinders their accumulation near the surface. Therefore, the
highest activity and earliest onset for water reduction are found for moderately
acidic and relatively weakly hydrated cations as Nd3* and Ce3*. We show in Fig. F.8
in Appendix F how the cation acidity is related to the Gibbs free energy of
hydration, or in other words, to how strongly water molecules in the cation’s
hydration shell interact with the positive charge of the ion.3? Considering that on
gold, the Volmer step (H,O + e + * — *H + OH") is the rate determining step for
the water reduction reaction, acidic (trivalent) cations likely lead to a stronger
stabilization of the transition state of the water dissociation step (Eq. 9.1).1
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The role of cation acidity on the competition between HER and CO.RR

This will be explored in more detail in the modelling section. It is also important to
note that Be?* is an outlier regarding the trends found in Fig. 9.2: in solution, Be?*
behaves more like a trivalent species, due to the very high charge density of the
beryllium atom, caused by its small size. 3

(H20 + e~ + * + M#* - *H-OH— M7+ + (1 - 8)e- — *H + OH- + M=% Eq.9.1

9.4 Cation hydrolysis

As mentioned previously, we do not observe any significant effect of cations
on the proton reduction current at low overpotentials, which we call here the first
proton reduction regime. However, as shown in Fig. 9.3a, in solutions containing
very acidic cations, such as Be?*, A**, Nd3*, and Ce3*, a second proton reduction
regime (indicated by the black arrows) is observed in the HER cyclic voltammetry at
more negative potentials, due to hydrolysis of water molecules from the cation’s
hydration shell. This phenomenon had also been observed in our previous work,
where micromoles of Al** were added to the electrolyte, however at the time this
was still poorly understood.?® As shown in the schematics of Fig. 9.3b and the table
in Fig. 9.3c, when the pH in the surroundings of a cation reaches the pK, of
hydrolysis of that species, a hydronium ion is released into the electrolyte. The
positive charge of the conjugated acid (metal cation) weakens the hydrogen bond
of the water molecule by drawing the electron density of the oxygen towards the
metal center, thus leading to the release of a proton in solution. The reaction can
be expressed as shown in Eq. 9.2, considering water is the only complexing species,
where nis the charge of the cation and Nis the number of water molecules within
its coordination shell.

M™ (H,0)y < MOH™ V*(H,0)y_, + H* Eq. 9.2

Once the local pH reaches the pK, of hydrolysis of the different species,
hydronium ions are produced locally and will be readily reduced at the surface,
giving rise to the second proton reduction regime from Fig. 9.3a. This happens at
more acidic local pH (lower overpotentials) for Al** cations, in comparison to Be?*,
Nd3*, and Ce?*, as typically, the larger the charge and the smaller the radius, the
lower the pH at which the metal cation will hydrolyze. Note that for Nd** and Ce?*,
which have the same pKa, the second proton reduction regime indeed starts at
nearly the same potential. Be?* is again an exception, as it also forms complexes
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with the sulfate ions in the electrolyte, which delays the hydrolysis reaction.®* Hao
et al.3> argue that Be?* ions are protected from hydrolysis by the formation of BeSO,
ion pairs, and that most of the hydronium ions produced by hydrolysis are initially
converted to bisulfate ions. For all cations shown in Fig. 9.3a, as the local pH
becomes more alkaline (due to the increase in water reduction current at more
cathodic potentials), more water molecules undergo hydrolysis, forming polymeric
species of various stoichiometries, depending on the cation charge, size, and
coordination number.3¢ Eventually, at sufficiently alkaline local pH, a solid hydroxide
layer can form on the electrode surface, whose properties will depend on the
temperature, anions, ion concentration (Eg. 9.3), where nis the charge of the cation
and Nis the number of water molecules within its coordination shell.

M"™ (H,0)y & MO,(OH),_5,(s) + nH* + (N —n + x)H,0 Eq.9.3

In Chapter 7, we observed that after recording five HER cyclic voltammograms
of a polycrystalline gold electrode in a 0.1 M Al,(SO,); electrolyte, ~200 nm thick
porous hydroxide plates formed on the gold surface, intercalated by sulfate
anions.?® The formation of a thin hydroxide layer upon cycling is also observed here
in the consecutive anodic cyclic voltammetry for the various cations (inset of Fig.
9.3a), as evidenced by the shift and suppression in the gold oxide/reduction peaks.
Five consecutive CVs can be seen in Fig. F.9 in Appendix F, where this effect is even
more pronounced as the proton reduction current decreases from cycle 1 to 5.
However, due to the low amount (1%) of acidic cations in the lithium background
electrolytes, after the 5 cycles are recorded and the electrode is held at 0.1 V for
four minutes, the local pH goes back to the (acidic) bulk value and the hydroxide
thin layer formed dissolves; indeed, no deposits are found in SEM/EDX analysis after
these experiments (not shown).

We see that the first regime of proton reduction (at low overpotentials) is not
influenced by the metal cations in the electrolyte. Still, acidic cations give rise to a
second proton reduction regime, due to a local discharge of protons near the
surface upon cation hydrolysis. The potential at which this is observed, is a function
of the pK, of hydrolysis. For water reduction, we find that the activity increases
going from mono- to di- to trivalent cations due to the effect that acidic cations
have on the water dissociation step. Within a valence group, weakly hydrated
cations lead to higher activity, as our previous study suggests that these species
accumulate more at the OHP. Next, we investigate the consequences of these
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trends found for HER on the activity of CO, reduction, by carrying out the reaction
in CO, atmosphere in the same electrolytes from Fig. 9.2.

a) _Be2+_A|3+_Nd3+_Ce3+
0 T T
N
£ -24
1)
<
€ anodic scan
e
T4 0
-0.2 4
0 0.6 1.2
-12 -0.8 0.4 0
E/V vs. RHE
b)
H
H‘oﬁ . yooon
H e ¢‘/H .b/ < -
o: Mg, TN, === 0: M":0—H + ‘O-H
H'® ... H H 5 H
o
H/ \H H/ \H
<) cation pK, hydrolysis
AlE 5.0
Nd3* 8.5
Ce3* 8.5
Be?* 6.2

Fig. 9.3. a) Hydrogen evolution cyclic voltammetry performed at pH 3 in 0.1 M Li;SO4 + 1
mM M7 electrolytes with M7* = Be?*, AP*, Nd3*, Ce3*. An anodic scan recorded directly after
HER is shown in the graph inset. b) Schematic representation of the mechanism of cation
hydrolysis and c) pK, of hydrolysis of the different species, taken from Ref 36.

9.5 Effect of multivalent cations on CO, reduction

Fig. 9.4 shows the activity for CO production as a function of potential in
electrolytes containing different mono- and multivalent cations. CO,RR was carried
out in the same electrolytes as the measurements shown in Fig. 9.2, and the CO
produced as a function of potential was quantified using the consecutive
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cathodic/anodic voltammetry method we used for the alkali cations in Fig. 1c. We
see in Fig. 9.4a that in sulfate electrolyte at high overpotentials, the highest absolute
activity for CO is found in the presence of Cs*, followed by Li*, Mg*, Be?*, AI**, Nd3*,
and Ce®*. In the case of perchlorates, as shown in Fig. 9.4b, more CO is formed at
high overpotentials in the Ba?* electrolyte, followed by Ca?* and Li*. This seems to
contradict the predictions made in the work of Ringe et alll, in which DFT
calculations suggested that higher activity for CO,RR to CO should be found
in electrolytes containing trivalent cations, followed by divalent and monovalent
(at -1 V vs. RHE), since the electronic density at the surface is expected to
increase accordingly. This is because these simulations disregard the effect of
the acidic multivalent cations on the competing water reduction reaction, which is
the main branch of HER taking place at high overpotentials. In Fig. 9.2a we
see that the activity for water reduction in the presence of species as Be?*, Al**,
Nd3*, and Ce®* is more than ten times higher than for the other cations, which
explains why here, despite any promotional effect these cations may have on the
CO;RR, they actually favor even more the production of hydrogen.

Remarkably, looking at the absolute amounts of CO produced at low
overpotentials (see inset of Fig. 9.4a and Fig. 9.4b), we see the opposite trend, where
more CO is formed in the presence of more acidic cations. To make clearer the
differences in activity for CO at low and high overpotentials, and to compare the
results in sulfate with perchlorate, we normalized the CO,, charge densities from
Fig. 9.4a and Fig. 9.4b to the CO,, charge density obtained in the pure Li,SO, or
LiClO4 background electrolytes, respectively. This results in the relative activities
depicted in Fig. 9.4c. Values above 1, represent cations that show higher activity for
CO than Li* at a given potential, and values below 1 represent cations for which the
CO,RR is less active than in pure Li* electrolyte. Please note that these are only
relative activities, i.e., the higher ratio for Ba?* does not mean CO,RR is more active
in a Ba?* electrolyte than Cs*, as these were measured with electrolytes of two
different anions. We can, however, infer that in both Ba?* and Cs* electrolytes the
activity for CO is higher at large overpotentials. With that in mind, we see in the
results from Fig. 9.4c that at potentials more positive than -0.5 V vs. RHE, the more
acidic cations lead to the production of more CO. At these potentials, the main
branch of HER competing with CO,RR is proton reduction, which is a reaction that
is not affected by the cation identity, meaning that here the cation can selectively
enhance CO3RR. As proton reduction is here still in the kinetic limited regime (see
Fig. 1a), the local pH is not expected to deviate too much from the bulk pH value,
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which means that in this regime cations will not rapidly undergo hydrolysis (which
would favor proton reduction) but likely can still strongly interact with the reaction
interface (enhancing CO, reduction). At potentials more negative than —0.6 V vs.
RHE, we see that the relative activity found in the presence of acidic cations drops,
and higher relative activity for CO is found in the electrolytes containing Cs*, Li*,
Ba?*, and Ca?*. In fact, this shows that these less acidic, weakly hydrated species
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Fig. 9.4. Amount of CO produced probed via consecutive cathodic/anodic voltammetry at
pH 3in a) 0.1 M Li;SO4 + 1 mM M7 electrolytes with M7* = Li*, Cs*, Be?*, Mg?* , Al3*, Nd3*
,Ce3* and b) 0.2 M LiCIO4 + 2 mM M”* with M”* = Ca?*, Ba%*; and a ¢) qualitative comparison
between the relative activity for CO found in sulfate and perchlorate electrolyte at low and
high overpotential, by normalizing the COox charge density to the one found in the pure
Li»SO4 and LiClO4 background electrolytes.
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in 0.2 M,ClO4 with M7* = Li*, Cs*, Ca?*, Ba2*.

lead to a good performance for the CO,RR, in part, due to their sluggish activity for
the water reduction reaction. It seems that multivalent acidic cations enhance the
activity for CO, already at low overpotentials, but do not lead to a good
performance at high overpotentials due to their extreme promotion of water
reduction.

Although Fig. 9.4c provides a qualitative comparison of the relative activity at
low and high overpotentials, it does not allow to directly assess which electrolyte
leads to the absolute highest activity for CO,RR to CO. For that, we have compared
the CO,RR activity using pure electrolytes of the most promising species (at high
overpotential), namely 0.2 M M,ClO, electrolytes, with M7* = Li*, Cs*, Ca?*, Ba?*. We
see in Fig. 9.5 that at high overpotentials, Cs* is the cation that leads to the largest
amount of CO produced, due to its weak hydration shell, allowing Cs* to accumulate
at the reaction interface. Additionally, as Cs* is a non-acidic cation, its enhancement
on water reduction is not so large, favoring CO,RR. Interestingly, we find that the
activity in Ba?* electrolyte is higher than in Li*, even though Li* has more positive
hydration energy and is less acidic (see Fig. F.8 in Appendix F). Here, the activity at
low overpotentials (or equivalently in acidic electrolyte) is also found to be higher
in the electrolytes containing the more acidic divalent species (Ca?* and Ba?*), in
agreement with the results from Fig. 9.4.
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9.6 Computational models

To model the competing processes occurring at the electrode/electrolyte
interface, we employed ab /nitio molecular dynamics (AIMD) simulations with the
PBE+D2 functional.3-3 We represented the experimental system as a 3V3x3V3-R
30° Au(111) supercell (4 layers, 15.3 A x 153 A x 30.0 A) with 72 water molecules
explicitly inserted within a 15 A solvation layer and an additional 8 A layer of
vacuum. The solvation configuration was retrieved from our recent work,?>4° where
it was optimized for more than 10 ps (time step of 1 fs) at 300 K. Details on the
density functional theory setup, as well as AIMD parameters, are available in
"Density functional theory modeling" section in Appendix F. We inserted two atoms
from six different species (M = Li, Cs, Mg, Ba, Al, Nd) within the solvation layer, at
an initial distance from the surface of 3.3 A. Since each species donates n electrons
to the simulation cell depending on its valence (M"*), we removed 21 hydrogens
from the fourth water bilayer to ensure charge balance (-2n |e7| of 27 OH™ vs. +2n
le7] of 2M"*). Thus, these models described six different Au/water/M”* systems
(M = Li*, Cs*, Mg?*, Ba?*, AI**, Nd3*), with cation coverages of 0.07 ML (2/27)
equivalent to 1.0-1.6 molar concentration. The six systems were optimized for 2 ps
at 300 K applying an electric field of 0.3 V A™,3%53 to mimic local electric field
effects.?>>* The applied electric field roughly corresponds to —0.9 V vs. the potential
of zero charge, thus —0.7 V vs. SHE in case of polycrystalline gold (see Appendix F)

To validate our methodology and confirm the convergence of the
Au/water/M™* systems despite the short simulation time, we first analyzed the
structural properties of multivalent cations during the first 2 ps of equilibration. The
cation coordination shell showed excellent agreement with experimental data.**4°
By fitting the cation-water radial distribution functions (RDF) for all the AIMD
snapshots during the 2 ps equilibration, we estimate an average cation-oxygen
distance following the trend AP* < Li* < Mg?* < Ba?* < Cs*, as reported in
literature (Fig. F.10, Table F.1).*4 Besides, our model shows remarkable
accuracy in reproducing cation coordination environment. The coordination
shell of Li* accounts for 3-4 water molecules, while Cs*, Ba?*, and Nd** exhibit
higher water-cation coordination numbers, respectively 4-6, 6-8, 4-6 (Fig. F.11
and Table F.2). Finally, cation coordination numbers of 2 and 3 for Mg?* and
AP* are due to Mg(OH), and AI(OH); compounds which form on the
surface, in excellent agreement with experimental observation of the tendency
of small radius acidic
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cations to form hydroxide layers upon alkalization of the interface (Eq. 9.3). Overall,
cation coordination numbers converged to the experimental values after 0.5-0.6 ps
of AIMD (Fig. F.11), thus confirming that our model correctly reproduces the cation
coordination environment.

9.7 Cation accumulation at the OHP

Looking at the mobility of the different cations across the reaction interface,
we see that all the species reach a stable position after 1 ps of initial equilibration
(see Fig. F.12). AP* and Mg?* cations get closer to the surface (Ghn-surface ~2.1 A and
~2.5 A respectively), whilst Li*, Nd3*, Ba?*, and Cs* exhibit larger distances (~2.9 A,
~3.1 A ~3.6 A and ~3.7 A respectively). Interestingly, this effect is seen only for
one of the two cations in the cell, while the second one remains at 1-2 A larger
distance from the surface, likely due to steric hindrance or electrostatic repulsion.
We find that the average cation-surface distances calculated after 1 ps equilibration
correlate well with the cation ionic radius (Fig. 9.6a), indicating that at the low cation
concentrations assumed in this study (1.0-1.6 M), cations with a relatively small ionic
radius locate closer to the surface due to their small solvation shell. Nevertheless, if
we consider the thermodynamics associated to cation accumulation at the OHP,
this process becomes increasingly hindered at higher cation concentrations (for
acidic cations). To assess such effect, we estimated the energy of a single cation at
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Fig. 9.6. a) Correlation between average cation-surface distance after 1 ps equilibration and
cation ionic radius taken from literature values.32 b) Correlation between the calculated
thermodynamic driving force for cation accumulation (with respect to cation-surface
distance) and cation acidity. Uncertainties are given by the standard deviations of the data
points (a) and the fit errors (b) respectively.
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different cation-surface distances within the OHP, Fonp (Gv-surtace), DY carrying out
single point DFT calculations on 50 AIMD snapshots (every 20 fs after 1 ps
equilibration). The reference system was the gold supercell, the solvation layer, and
the second cation. Then, we compared the estimated Foup to the energy of the
cation at the bulk electrolyte, Fpui calculated according to the methodology
introduce by Resasco et al.?*?>4¢ (see Appendix F for further details). £opp — Epuik
thus gives an estimation of the thermodynamic driving force relative to cation
accumulation at a given position within the OHP (Fig. F.13). Even though this
process is exothermic for any cation species (EFowp — Eoux < 0 €V), it becomes less
favorable for shorter cation-surface distances, i.e. for cations closer to the surface. As
qualitatively observed during the AIMD, cation-cation repulsion limits cation
accumulation and this phenomenon becomes extremely significant for acidic
cations, which experience stronger repulsion. The driving force for cation
accumulation decreases for AI?*, Nd**, and Mg?* when these species approach the
surface, Fig. F.13, thus this parameter correlates negatively with the cation-surface
distance (Table F.3). Instead, non-acidic cations as Li* and Cs* do not exhibit any
strong dependence of £opp — Epuk VS. cation position, due to their low valence and
consequently minimal repulsion. Besides, the variation of driving force for cation
accumulation with respect to dy-suface Can be taken as a proxy of the cation-cation
repulsion. Such gradient of accumulation driving force correlates with cation acidity
(Fig. 9.6b), suggesting that under realistic CO, reduction conditions non-acidic
cations accumulate more at the OHP. As highlighted in Chapter 8, higher cation
concentration due to accumulation at the OHP leads to more significant intrinsic
promoting effects, at least in acidic, neutral, or mildly alkaline pH.2> At high local
alkalinity, as we show in Chapter 10, high near-surface cation concentrations are
detrimental to HER on gold and platinum, due to blockage of the surface, creating
what we call the cation “inhibition regime”. In the present work, we are still in the
promotion regime, where we see that cation accumulation has different
consequences for H,O reduction and CO, reduction performance. Within the
valence groups, higher H,O reduction current densities are found for Cs*, Ba%*, and
Nd3* in contrast to Li*, Mg?*, and APP* (Fig. 9.2a). For CO, reduction, we see higher
activity for Nd** (low overpotential region) and Cs* (high overpotential region) in
comparison to A** and Li* (Fig. 9.4¢).
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9.8 Mechanism of cation effect on H,0, H;0* and CO, reduction

To study the effect of a neighboring cation on water reduction, we
introduced an additional H,O adsorbed on the surface close to one of the cations,
with a surface coverage of 0.04 ML (1 molecule for 27 Au surface atoms), see Fig.
9.7a. We let the resulting systems Au/water/M”*/*H,O (M”* = Li*, Cs*, Mg?*, Ba®*,
AR*, Nd3*) equilibrate during final 2 ps at 300 K with an explicit electric field of —0.3
V A-14%42 Upon introduction of the additional adsorbed water molecule, we see
that regardless of the specific coordination between metal cations and adsorbed
water, the dissociation of H,O into OH™ and H* occurs (Fig. F.14). Besides this
process, no significant change was observed for cation-surface distance and cation
coordination shell (Fig. F.15-F.17, Table F.4). The kinetics of water dissociation can
be estimated by the AIMD time required for this dissociation to take place, which
followed the trend AP* ~ Nd3* < Cs* < Ba?* < Li* < Mg?* (Fig. 9.7b). A similar
trend was found experimentally for the water reduction activity, Fig. 9.2a, and
cation acidity was suggested as a potential descriptor for the performance. Thus,
we assessed the potential role of cation acidity in promoting the Volmer step of
water reduction, since this reaction is the rate determining step. We estimated the
kinetic barrier related to water dissociation on a simplified model accounting for
the 3V3x3V3-R30° Au(111) supercell (4 layers, 153 A x 153 A x 30.0 A), one
cation, one adsorbed water molecule, and a cation coordination shell of 2 and 3
water molecules respectively (Fig. 9.7c with 3 H,0O, further details on the model in
Appendix F) ), and explicit electric field of —0.3 V A1.385% We chose such simplified
coordination shells, since they were previously indicated as the optimal
configurations for assessing adsorption energy.*’ n — 1 hydrogens were removed
from the solvation layer so that the supercell included only an extra electron,
donated from the M”* species. We find that the cation acidity is an accurate
descriptor and correlates well with the activation energy for water dissociation, as
shown in Fig. 9.7d. Since we considered two different models for the coordination
shell, we plot in the figure the average between the activation barriers calculated
respectively with 2 and 3 explicit H,O. In this way, we highlight the case with
largest cation stabilization. Water dissociation is close to barrierless in the
presence of acidic cations, thus driving the outstanding H,O reduction
performance of, for example, Nd** and A** (Fig. 9.2a).

In the acidic surface pH regime (i.e,, H;O* as proton source), the Gibbs free
energy for H;O* dissociation correlates with cation acidity as well (Figure F.18 in
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Appendix F), although exhibiting a weaker correlation. However, this process is
exergonic for every cation species (AG < -1.0 eV) and is kinetically barrierless, thus
supporting the absence of a cation effect on proton reduction (Fig. 9.1a and Fig.
9.3a). Additionally, we find that the *H adsorption energy is also cation-
independent, with AG «4 ~ +0.3 eV for all the different species studied.

To extend the previous methodology to the case of CO, reduction, we
introduced a CO, molecule to the initial Au/water/M™ system, keeping the same
surface coverage as for adsorbed water (0.04 ML, 1/27 ML), and optimizing the
system for 2 ps at 300 K (Fig. 9.8a) with an explicit electric field of -0.3 V A-14142
After this equilibration, CO, adsorbs on the surface via a n'c conformation
(monodentate through the carbon) so that the oxygen atoms coordinate to the
alkali cation and to water molecules through hydrogen bonds. The introduction of
the adsorbate close to the cation does not affect its position, as suggested by the
absence of a significant variation of the cation-surface distance for Au/water/M"* /
*CO,, (Fig. F.19 in Appendix F). Along with alkali cations®, a cation---O(CO,)
coordination is observed as well for di- and trivalent species. Whilst Li* only
coordinates with CO,™ for the first 0.1 ps, Cs*, Mg?*, Ba%*, Al**, Nd3* steadily interact
with it, accounting for average coordination numbers of 0.7 £ 0.4, 0.6 + 0.4, 0.9 +
0.2,0.5 +0.2,09 + 0.2 (Fig. 9.8b, Table F.5). Cs*, Ba?*, and Nd** present more steady
coordination, and the duration of the coordination increases according to the cation
valence: Cs* coordinates for around 1.1 ps, whilst the bi- and trivalent counterpart
for 1.3 and 2 ps respectively (Fig. 9.8b). We did not detect any significant variation
of the cation coordination shells upon insertion of CO, (Fig. F.20, Table F.5 in
Appendix F), suggesting that the adsorbate does not promote any dehydration, as
in fact only already-dehydrated cations can coordinate with the adsorbate. In our
recent work we demonstrated that M---O(CO,) coordination triggers a short-range
stabilization effect on *CO, of around 0.5-0.6 eV,”> which enables CO,
electroreduction. Thus, the high CO, reduction activity for Nd3* in the low
overpotential region, and Ba?* and Cs* in the high overpotential region (Fig. 9.4¢),
can be rationalized through this coordination-driven stabilizing effect.

To investigate if cations have any promoting effect as well on the protonation
of the CO, intermediate, we estimated the kinetic barrier related to this process
with an analogous computational set up as the water dissociation case (3Y3x3V3-R
30° Au(111), one cation, *CO,, 3 explicit water molecules, explicit electric field of
-0.3 V A, see Fig. 9.8c. CO, protonation is barrierless for every cation species apart
from Mg?* and AI**. In the presence of Mg?* and Al3*, we observed kinetic barriers
around 0.7 eV and 1.5 eV, which may be due to
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excessive stabilization of the CO,™ intermediate or repulsion between COOH and

the acidic cations.
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Fig. 9.7. a) Models for AIMD simulation performed at 300 K: equilibration of Au/water/M"*
systems (0-2 ps); equilibration of Au/water/M™/*H,0 (2-4 ps), with M7* = Li*, Cs*, Mg?*,
Ba?*, A**, Nd3*. b) Time required for dissociating adsorbed water upon interaction with M*
during AIMD. c) Models for initial and final states for water dissociation. d) Activation barrier
for water dissociation vs. cation acidity, calculated as average of the calculated values for 2
and 3 H,0 molecules in cation solvation shell. This process is barrierless for A**. In the panels
a) and ¢), Au, Cs, H, and O atoms are portrayed as yellow, dark yellow, white, and oxygen

spheres, respectively.
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This theoretical evidence may explain the low CO; reduction performance of
Mg?* and APP* compared to Ba?* and Nd**respectively, in addition to its lower
accumulation. Overall, the thermodynamic energy cost for COOH protonation
ranges between 0.4 and 1.0 eV, with Cs* and Nd3* accounting for the lowest values
(Fig. 9.8d), and it does not depend on the cation species. Since it is just slightly
endothermic, this step can occur under CO, reduction potentials. To summarize, the
differences in CO; reduction performance of different cation species at low and high
overpotentials can be rationalized considering the competing water reduction,
cation accumulation, and coordination-driven stabilization of CO,7, while CO;
protonation is cation independent. As a final remark on the intrinsic cation effect
on H,0 and CO; reduction, we added a benchmark system where we replaced the
two Li* atoms with two H*, to assess the potential role of protons as reaction driving
cations. H* quickly recombines with solvent molecules to form a H;O* species (At <
0.3 ps, Fig. F.21), however neither of these species exhibit any interaction with *H,0
and *CO, during 2 ps AIMD (Fig. F.14-F.17, F.19 and F.20, Tables F.4-F.5). This insight
provides an additional validation of our previous work (Chapter 8),2° confirming that
CO; electroreduction needs a metal cation to occur.

9.9 Discussion

Previous work from Schizodimou and Kyriacou?® and Ringe et al.!! suggests
that multivalent cations promote CO, reduction. However, these works did not
discuss how the multivalent species affect the hydrogen evolution reaction, while
we see that this competition actually determines the reaction selectivity. Our
experimental results show that acidic (multivalent) cations only favor CO; reduction
at low overpotentials (acidic media), whilst at high overpotentials (neutral/alkaline
media) such trend overturns, and the activity for CO increases in the order Ca?* <
Li* < Ba?* < Cs*. As we proposed in our recent work,? an explicit coordination-
driven short-range interaction stabilizes the CO,™ intermediate and enables CO,
reduction independently from the cation species. In fact, the energy required for
CO; activation (~0.2-0.4 eV)?’ is significantly lowered in presence of alkali, di-, and
trivalent cations (Fig. F.22, Table F.6). Thus, the CO, reduction activity solely
correlates with the extent of such cation-CO, coordination. In general, trivalent
cations exhibit more steady M"*.--O(CO,) coordination than di-valent and alkali
cations, and this phenomenon is more significant for weakly hydrated cation (Fig.
9.8b). This rationalizes the performances of Nd3* and Al** vs. Cs* and Ba?* for CO,RR
at low and high overpotential regions, respectively. However, it does not explain
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the difference between the two potential regions. This difference must be
attributed, instead, to the performance of these different cations for water
reduction. From the results shown in Fig. 9.2 we clearly see that trivalent species
promote water reduction more than di- and monovalent cations. This can be
elucidated by the stabilizing effect acidic cations have on the transition state of
water dissociation, confirmed by the linear correlation between the water
dissociation activation barrier and cation acidity (Fig. 9.7d). Additionally, the
reactivity of water molecules surrounding acidic cations comes from the same
principle of how cations undergo hydrolysis. The positive charge of the metal cation
draws the electron density of the oxygen of a water molecule towards the metal
center, weakening the hydrogen bond of the water molecule, thus lowering the
barrier for water dissociation. In fact, water molecules adsorbed close to a cation
species undergo hydrolysis in less than 200 fs during AIMD, and this effect is faster
for more acidic cations (Fig. 9.7c). We show schematically in the top panel of Fig.
9.9a, how with a smaller cation ionic radius and a larger charge, the water molecules
surrounding the cation will be more reactive. In the scheme, we show for instance
that water dissociation is favored in the presence of Al** cations in comparison to
Li*, and the degree of such promotion is represented here by different intensities
of yellow shades on the hydrogen atoms. Besides, the cation acidity dictates the
cation hydration energy, which in turn governs how many cations will accumulate
at the OHP. This is represented in the lower panel of Fig. 9.9a, where we show that
Cs* cations, since they are weakly hydrated, are present at the reaction interface in
higher concentrations than more strongly hydrated and more acidic cations such
as Li*. This explains why in Fig. 9.2, for the alkaline earth cations the highest activity
for water reduction is found for Ba?*, and for the trivalent species for Nd3* and Ce3*.
Analogously, for CO, reduction, Nd3* outperforms AI** in the low overpotential
region, while the highest activities at high overpotential are observed for Cs* and
Ba?*. The loose water structure around these weakly hydrated species prevents
effective charge screening, thus allowing these cations to partially lose their
hydration shell. By minimizing steric hindrance and electrostatic repulsion effects,
Cs*, Ba?*, and Nd3* accumulate more at the interface. Since the extent of cation
repulsion correlates with cation acidity (Fig. 9.6a), non-acidic cations are expected
to be more concentrated at the OHP.
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Fig. 9.9. Schematic representation of a) the interaction of different cation species with the
electrode surface leading to favourable water dissociation and higher accumulation at the
OHP. b) Normalized activity for water reduction vs. cation acidity and qualitative plot
representing the interplay between water dissociation kinetics (red) and cation accumulation
(shades of blue) for alkali (1+), di- (2+), and trivalent (3+) species. ¢) Colormap summarizing
CO; reduction (purple shades, (Fig. 9.5) and H,O reduction (red shades, Fig. 9.2a)
performances at high overpotential vs. cation ionic radius and cation acidity. d) CO, reduction
activity predicted assuming average cation-CO, coordination (Mw”*-ocoz) (Table F.5) as a
potential descriptor vs. ionic radius and cation acidity.
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In Fig. 9c we summarize the performance of alkali, bi-and trivalent cations for
H,0 and CO; reduction at high overpotential (Fig. 9.2a, Fig. 9.5). HER activity peaks
for mildly acidic cations (red shaded region in Fig. 9.9¢), such as Nd** and Ce?*, and
the rationale behind this trend lies in the activity volcano plot due to the interplay
of water dissociation kinetics and cation accumulation (Fig. 9.9b). The water
dissociation activation barrier decreases for higher cation acidity (Fig. 9.7d),
consequently the rate of this step increases exponentially. However, strongly acidic
cations such as Be?* and AI** are limited by their low concentration at the OHP, thus
the Nd3* is the optimum, since it accumulates at the OHP and shows high enough
reactions rates. As for CO, reduction, experimentally, Cs* and Ba?* lead to the
highest performance at high overpotentials (Fig. 9.5, purple shaded region in Fig.
9.9¢), while Nd3* is in the sweet spot for the low overpotential region. Theoretically,
this trend can be reproduced assuming the average cation-CO, coordination
number as the sole descriptor for CO, reduction activity in absence of the
competing water reduction reaction (Fig. 9.9d). Again, non-acidic, or mildly acidic
cations exhibit a steady short-range interaction with the CO,™ adsorbate, since they
can effectively desolvate due to their low dehydration energy.

Finally, both our experimental and computational results demonstrate that
water and proton reduction must be taken into account for an accurate prediction
of the activity of CO,RR, since a steady supply of water or protons is key to enable
a quick protonation of the CO, intermediate, but also can lead to a high activity for
water reduction. When water reduction is not competing with CO,RR (at low
overpotentials or acidic media) acidic and weakly hydrated cations promote CO,RR,
while at high overpotentials (neutral/alkaline media) the commonly used Cs*
containing electrolyte leads to the highest activity.

9.10 Conclusions

In this work, we assessed the electrocatalytic CO, reduction and H,O
reduction activity in mildly acidic electrolytes (bulk pH = 3) containing Li*, Cs*, Be?",
Mg?*, Ca?*, Ba?*, AP*, Nd3*and Ce3*. We observed that cations have no effect on
proton reduction at low overpotentials. Instead, the activity and onset for the water
reduction reaction correlate with cation acidity, so that weakly hydrated trivalent
species lead to the highest activity. This observation is rationalized through an
activity volcano plot, with one side of the volcano at low cation acidity limited by
poor water dissociation kinetics, while the other side is hindered by low cation
accumulation (Fig. 9.9¢). Consequently, acidic cations only favor CO, reduction at
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low overpotentials (acidic media), below potentials at which water reduction is
active. At high overpotentials (neutral/alkaline media), the activity for CO
production increases in the order Ca?* < Li* < Ba?* < Cs*, showing an interplay
between concentration at the Outer Helmholtz Plane, with specific cation
promoting effects on water dissociation and cation stabilization of CO;
determining the CO,RR versus H,O reduction competition. Ab /initio molecular
dynamics simulations suggest that cation acidity determines cation accumulation
at the OHP and water dissociation kinetics. Softly hydrated cations, such as Cs*,
Ba?*, Nd3*, present minimal cation-cation repulsion so they accumulate at the OHP
at higher concentrations. Besides, in presence of acidic cations, water dissociation
is barrierless, thus explaining their outstanding water reduction performance. As for
CO; reduction, a short-range interaction driven by coordination between cation and
CO; stabilizes this intermediate, thereby activating CO, for reduction. Trivalent
cations and weakly hydrated species account for a more continuous coordination,
thus a higher promoting effect. Hence, Cs*, Ba?*, and Nd3* lead to higher CO,RR
activities than their strongly hydrated counterparts, following the trend Cs* < Ba?*
< Nd3*. In summary, H,O and CO, reduction performances are primarily ruled by
cation accumulation at the OHP, which lead to higher concentrations and
consequently higher rates of intrinsic cation promoting effects. Cation
accumulation correlates with cation acidity, so non-acidic cations are expected to
have higher near-surface concentrations under CO, reduction conditions. As for
intrinsic cation effects, trivalent cations promote both CO, stabilization and water
dissociation, thus they are active for CO, reduction only below potentials which H,O
reduction is highly active. In contrast, Cs* and Ba?* account for high CO, reduction
activity at high overpotentials, since they can stabilize the CO,™ intermediate, while
they show poor kinetics for water dissociation.

Even though the application of multivalent cations in neutral/alkaline media
is not practical, due to hydroxide deposition, they may in principle still be used for
CO; electrolysis in strong acidic media. In fact, we have recently shown that CO,RR
to CO can be carried out at industrially relevant current densities in acidic media,
using gas diffusion electrodes.*® We obtained faradaic efficiencies for CO close to
90% at lower cell potentials than in neutral media. Future work could therefore
focus on trying to improve the energy efficiency even further by adding small
amounts of e.g. Nd** to a Cs* background electrolyte, in a way that hydroxide
deposition would not be detrimental to the performance. Pulsed electrolysis also
presents an opportunity for the use of multivalent cations for CO,RR, as possible
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hydroxide deposits can dissolve in between cathodic pulses. Besides, theoretical
works on CO; reduction should also consider the kinetics and thermodynamics of
the water dissociation step to accurately model the hydrogen evolution reaction
when water is the proton source, instead of using H binding as the sole descriptor.
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