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Abstract

Electrolytes, which are components of electrocatalytic systems, largely determine their
performance. While so-called ‘active species’, such as intermediates, have been
attracting considerable attention as they directly participate in electrocatalytic reactions,
the catalytic role of so-called ‘spectator species’ i.e. electrolyte components, which are
not directly involved into the reactions, have largely been ignored. However, recently,
several groups found that the activity and selectivity of various electrocatalytic
reactions exhibit a strong dependence on the nature of those species. In-depth
fundamental understanding of these effects, however, still requires extensive research.
In this thesis, the effect of alkali metal cations on the resulting activity was investigated
as these cations are generally present in widely used industrially relevant electrolytes.
In addition, the impact of n-butylammonium (sulfate), one of the novel ‘spectator

species’, was studied in the context of water electrolysis.

Electrocatalytic reactions important for the ‘hydrogen economy’, namely hydrogen
evolution reaction, oxygen reduction reaction, and oxygen evolution reaction, have
been selected as model processes in this study. With regard to the hydrogen evolution
reaction, the activities of various Pt electrodes appear to be greatly dependent on the
type of alkali metal cations present in the electrolytes (the activities decreased in the
following order: Li" > Na" > K" > Rb" > Cs"). The same trend was observed for the Ir
electrodes. The trend for the Au and Ag electrodes, nevertheless, was surprisingly
reversed (Cs® > Rb" > K" > Na" > Li"). For the oxygen reduction reaction, the
performance of Pt electrodes not only depends on the surface structure but also on the
type of alkali metal cations in the electrolyte. For the oxygen evolution reaction, adding
n-butylammonium sulfate enhances dramatically the anodic currents in the case of
widely used industrial catalysts. Electrochemical techniques including electrochemical
impedance spectroscopy were used to also explore the influence of alkali metal cations
on the electric double layer for various model metal electrodes. It was discovered that
the local effective concentrations of alkali metal cations near the electrode surface are
more than one order of magnitude higher than in the electrolyte bulk (0.05 M solutions
were used for this study). It is apparent that the role of alkali metal cations is so far

significantly underestimated in the literature.
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1. Introduction

1.1 Electrocatalysis for sustainable energy: potential and challenges

The ‘hydrogen economy’, as proposed by Bockris® in the 1970s, means that hydrogen
becomes the main compound to provide energy from a power station to sites where
energy is needed. Electricity produced by the power stations from renewable energy
sources would be used to perform water electrolysis. Subsequently, hydrogen would be
delivered from the distribution stations to homes and factories, where it should be
‘reconverted’ to electricity using fuel cells, whilst water would be the only by-product.!
The hydrogen economy thus appears to be a promising solution to associated
environmental problems and the energy crisis, which are two of the prominent global

issues encountered in the 21° century.?

There are two key characteristics of these energy conversion and storage schemes
compared to the current systems in operation, namely, environmental-friendliness and
improved energy conversion efficiency.® Fuel cells are known to produce only water
and heat/electricity, without any emission of noxious pollutants or carbon dioxide that
often inevitably accompany the burning of fossil fuels.* According to the report by
Professor Mark Z. Jacobson, an atmospheric expert at Stanford University, airborne
pollutants would be dramatically reduced if all cars and trucks started using hydrogen-
powered engines, whilst health crises ranging from headaches to heart attacks would be
significantly reduced.> Of course, the increasingly serious greenhouse effect would be
alleviated as well, as the amount of carbon dioxide — one of the main contributors —
would be considerably reduced. Therefore, the hydrogen economy-related systems

provide a potential way to help human beings resolve various environmental problems.

With regard to sustainable development, energy savings are necessary to meet the
considerable increase in energy demand for the coming decades; and the hydrogen
economy seems to be one of the key strategies to realise these savings. The energy
supply has been growing dramatically in recent decades. For example, in 2017 global
energy consumption increased by 2.7 percent, which was double the growth rate in

2016.5 Therefore, it is widely expected that much more may be needed in the future if
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no limitations or enhancements are introduced.’ The hydrogen economy related
schemes have the potential to avoid or at least alleviate this situation. Due to their much
higher energy conversion efficiency, fuel cell vehicles have already shown comparable
running costs to those of current ones relying on fossil fuels. For example, the Toyota
Mirai, a hydrogen fuel cell car produced by Toyota and already commercially available,
offers a total running range of 500 kilometres on a full tank, with a running cost 3.5
litres per 100 kilometres (66 American MPG), which is comparable with the average
gasoline cars.® However, unlike the internal combustion engines owing a relatively
mature technology and widely used in daily life, fuel cells still have considerable room
to improve®. Under laboratory conditions, the energy conversion efficiency of fuel cells
can reach 60-80 percent, which is two to three times higher than for the internal
combustion engine.* What is more, the costs of energy transfer would be much lower if
the main form of energy transfer — electricity — would be changed to hydrogen. As early

1.1% indicated that the costs of transferring hydrogen would be

as 1972, Gregory et a
lower than of sending electricity by overhead cables when the transport distance is more
than 400 kilometres, whilst the cost would then be halved when the distance is more
than 1,600 kilometres. The hydrogen economy-related schemes offer unique
advantages in numerous commercial sectors in terms of energy savings, such as aircraft
and aerospace, chemistry and metallurgy.!© The maximum total range of aircraft
running on liquid hydrogen would increase two- to three-fold for the same weight of
fossil fuels; the costs of producing commonly used chemicals, for instance, metal Fe,
metal Al, and gaseous NH3, would be significantly reduced in chemical industry and
metallurgy.!

To lay the foundations for the hydrogen economy, electrocatalysis related to water

1'2. As shown in

electrolysis and fuel cell reactions should be investigated in more detai
Figure 1.1, water electrolysis is the principal mean of transferring renewable and
nuclear energies into chemical energy stored as H»; fuel cells are the main systems for

converting the stored chemical energy into electric energy.

However, for the state-of-the-art electrolysers, the obvious drawback is wasting
substantial amounts of electrical energy due to the existence of high overpotentials®.
The same is valid for fuel cells, especially for the reactions taking place at the cathode
side of these devices (e.g. oxygen reduction reaction). The efficiency of the

electrocatalytic reactions involved in water splitting and fuel cells needs to be

2
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significantly improved.

_~Hydroelectric,
" solar photovoltaics,
wind

Solar
thermal

Biomass

) Supply

Thermal
nuclear

H,

Fuel cell

g Demand
engines

~Turbines,
internal
combustion
engines

Internal —
combustion
engines

Figure 1.1. The concept of hydrogen economy. Water electrolysers and fuel cells are the principal
devices to transfer ‘renewable’ and ‘nuclear’ energies into energy stored in chemical bonds of H;
and vice versa. Reprinted with permission from ref.12.

1.2 The role of electrolytes in electrocatalysis

Electrocatalysts accelerate the inner-sphere reactions at the electrode-electrolyte
interfaces.!® Electrocatalysis has been identified as one of the five broad categories of
catalytic research widely studied nowadays, along with biocatalysis, homogeneous
catalysis, conventional heterogeneous catalysis, and ultra-high vacuum (UHV) surface
science.’* As shown in Figure 1.2, the future sustainable energy schemes are expected
to rely on electrocatalysis. Moreover, the development of new advanced electrocatalysts

is critical to sustainable energy as a whole, not just to the hydrogen economy.

Electrocatalysis, however, is the most complex amongst these five established fields of

catalytic research owing to the following reasons:
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Figure 1.2. Schematic of the role of electrocatalysis in the future of sustainable energy.
Reproduced with permission from ref.15.

1. Itinvolves up to three phases at the interfaces where the reactions
occur. An electrocatalytic reaction can occur at the solid
(electrodes)/liquid (electrolytes)/gas (reactants or products) three-phase
interface.

2. The dramatic changes caused by a minor shift in the applied
potential. The structure of the electrical double layer, the Fermi level
of electrodes, the free energy of reactants and products, the adsorption
energy of ions, and the surface coverage will be significantly changed
once the applied potential shifts slightly. Moreover, these changes are
often exponential.

3. Multi-step reactions along with the multiple proton/electron
transfers. Electrocatalytic reactions can involve numerous reaction
intermediates and half-reactions. The actual intermediates and half-
reactions are highly uncertain and largely depend on various factors in
the surrounding environment, such as electrocatalysts, electrolytes,

temperature, etc. For instance, carbon dioxide reduction (one of the hot
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topics in the area of electrocatalysis nowadays), can have ca. 16
different half-reactions®®, because the energetic requirements for the
reaction are highly sensitive to the pH value and the number of electrons
involved!’ (Figure 1.3). Furthermore, for every half-reaction, there are
many possibilities for the reaction mechanisms as well*®. Thus, it is
particularly difficult for theoretical investigations to conduct modelling.
4. Nanosized electrocatalysts. As it is widely accepted that the best
electrocatalysts are likely to all be found at the nanoscale!®?%2! | this
creates new challenges for both theoretical and experimental
investigations. For theoretical studies, nanometer scale is comparatively
too big, which creates considerable uncertainty when building
analytical models. In contrast, for experimental research, nano-objects
are considered to be too small, because many experimental devices
cannot achieve necessary accuracy or resolution and at the same time

work in a liquid environment.

Electrocatalytic research, especially for water electrolysis and fuel cells, is currently
predominantly focused on optimisation of the working electrodes, such as modifying

the electrode surface structure?%23 24,25

, searching for new materials and changing the
surface composition?®27. Although these studies have made significant contributions to
the development of the field of electrocatalysis, the effect of electrolytes on
electrocatalytic reactions should not be overlooked. In fact, the first attempt to
investigate the electrolyte effects can be traced back to 1930s%%. However, the related
research attracted much less attention due to the absence of fundamental understandings
of such observations. Recently, thanks to the discovered electrolyte-related phenomena,

such as pH effects?®, research on electrolytes receives a wider coverage3®-3L,

The widely recognised function of electrolytes is (i) to transport ions, (ii) to increase
the ionic conductivity of the system and (iii) to provide the required reactants. The
function of electrolytes appears simple, yet this is somewhat misleading. Recently,
several reports have indicated that ‘spectator species’ have a notable influence on both
selectivity and the reaction rates of  various electrocatalytic

32,33,34,.35,36,37.38.3940. However, many problems, for example, what the specific

processes.
impact of each spectator species is and how they affect the overall activity and

selectivity, remain up to date unsolved. There is no well-accepted theory fully

5
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explaining the role of electrolytes in changing the electrocatalytic performance; and one

of the main goals of this thesis is to contribute to understanding of these effects.

Figure 1.3. Schematic of transformations of carbon dioxide into fuels and chemicals by using
electrocatalytic processes. Possible reaction pathways were indicated. Reprinted with permission
from ref.16. Copyright 2017, Elsevier.

1.3 Research aims

In this thesis, the influence of alkali metal cations and n-butylammonium (sulfate) on
the performance of electrocatalytic systems is selected as the study focus. Alkali metal
cations were chosen because they are widely used in research and industry and have
thus become common components of electrolytes. Determination of how the alkali
metal cations influence several necessary energy provision electrocatalytic reactions,
such as hydrogen evolution reactions (HER) and oxygen reduction reactions (ORR),
will be important for water electrolysers and fuel cells. As it is acknowledged, the high
anodic overpotentials still severely hinder a wider commercial application of water

electrolysis.** It has been reported that the anodic overpotentials were found to be
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significantly reduced when n-butylammonium sulfate was added into the electrolyte?>.
Here, the effects of n-butylammonium sulfate on the electrochemical performance were

systematically investigated using industrially relevant electrocatalysts.

It is important to understand why these spectator species have such a great influence,
as they do not even directly participate in the reactions. Electrochemical impedance
spectroscopy (EIS) was used to study the effect of alkali metal cations on the electrical
double layer (EDL) properties, as the structure of EDL largely determines functionality

of electrochemical systems.
The structure of the present study is outlined as follows:

In Chapter 2, the key theoretical background used in this thesis (Sabatier principle,
electric double layer, and the concept of active sites) will be introduced. Furthermore,
the electrocatalytic reactions associated with water electrolysis and fuel cells will be

discussed.

In Chapter 3, the used electrochemical set-ups and electrochemical techniques will be

introduced.

Chapter 4 is dedicated to the influence of the alkali metal cations on the hydrogen
evolution reaction. Two groups of electrodes were chosen based on their location in the
so-called ‘volcano plots’. One group, which is located on the left side of the volcano
plot with stronger hydrogen binding with respect to the optimal value, included Ir(111)
and three Pt crystals: Pt(111), Pt(221), and polycrystalline Pt. The other group, which
is located on the right side with weaker hydrogen binding energies, consisted of
polycrystalline Ag and Au(111). The HER measurements indicated that the activity can
be tuned up to a factor of ~4 when changing from LiOH to CsOH.

Chapter 5 deals with the oxygen reduction reaction activity of model stepped single
crystals Pt(221) and Pt(331) in different solutions of MeOH (Me": Li*, Na*, K", Rb",
and Cs"). It will be shown that the ORR performance of these electrodes strongly
depends on both the surface structure of the electrodes and the type of alkali metal

cations in the electrolyte.

In Chapter 6, the results of investigation of anodic oxidation reactions for water
electrolysis systems are presented for electrolytes containing an ‘ionic liquid’, namely

n-butylammonium sulfate. Several widely used industrially relevant catalysts were
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chosen, such as cobalt (oxy)hydroxide, nickel (oxy)hydroxide, and nickel-iron

(oxy)hydroxide.

In Chapter 7, the effects of the alkali metal cations on the electric double layer will be
discussed. These effects were investigated by EIS measurements in 0.05 M MeClO4
(Me*: Li", Na', K, Rb", Cs") electrolytes for six different model electrodes: Pt(111),
Au(111), Cu(111), Cu(100), Pt(775) and Pt(12 10 5). Differential electric double layer
capacitances of all electrodes have been measured at the potential close to that of zero
charge. It will be shown that the above mentioned cations accumulate in the electric
double layer region, irrespective of the electrode surface compositions and structures;
and the effective concentrations of these cations near the electrode surface are estimated

to be almost 80 times higher than their bulk concentrations.

In Chapter 8, conclusions and an outlook are presented.



2. Theoretical part

2.1 The Sabatier principle

The Sabatier principle says that the interaction between a catalyst surface and reaction
intermediates should be neither too strong nor too weak.*? If the interaction is too
strong, the products will not desorb from the surface of the catalyst and consequently
will prevent it from continuing to catalyze the reaction. In contrast, if the interaction is
too weak, the reactants cannot be activated at the surface, and therefore, no reaction
will occur. In order to fulfil these requirements, the binding energy between the catalytic

surface sites and reactants/intermediates/products should be optimised.

1%, is a purely

The original Sabatier principle, which can be traced back to 191
qualitative principle. Following nearly 50 years of development afterwards, a
quantification through so-called ‘volcano plots’ has been established. A combination of
the Sabatier principle and the Bronsted catalysis equation, demonstrating the
relationship between thermodynamics and kinetics, permits the construction of these
volcano plots.** The volcano plots were proposed by Balandin®®, among the others, in
1969 in a perspective review and successfully highlighted by Trasatti** in 1972 for
electrocatalysis. In these plots, a quantity, reflecting the reaction kinetics, is plotted
against a property correlated with the stability of the intermediates. The former can be
the potential, current or temperature at the beginning or during the reaction; the latter
can be the heat of adsorption of a reactant or the formation energy of a product or
reaction intermediates. The shape of these plots, resembling a volcano, is usually

triangular with a single peak; and the optimally achievable binding energy is located at

its apex.

As an example, Figure 2.1 depicts a volcano plot for the HER on several metal
surfaces*®47*®_In this plot, the theoretical binding energy of hydrogen on the metal
surfaces (AEy) is selected as the x-axis since, according to the reaction mechanism, the
intermediates of HER, particularly in acidic electrolytes, are only hydrogen atoms
adsorbed on the surface?®°%°!, In terms of the y-axis, the exchange current density of

the HER is used. At low values of AEy, the reaction is slow as it is hindered by the
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excessively strong binding of adsorbed hydrogen resulting in a low exchange current
density. In contrast, at high values of AEy, the reaction is restricted due to the slow rate
of hydrogen adsorption. Therefore, a maximum HER activity should be found at an

intermediate value of AEy, with rapid rates of hydrogen desorption as well as hydrogen

adsorption.
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Figure 2.1. A‘volcano plot’ describing the HER activity trends for different metal surfaces as a
function of their theoretical binding energies to the hydrogen reaction intermediates. The
theoretical hydrogen binding energies and HER activities are collected from refs 46,52. The
catalysts located on the left-hand side exhibit relatively strong binding energies. The ones located
on the right-hand side exhibit relatively weak binding energies.

The Sabatier principle, together with its quantification using the ‘volcano plots’, has
proven itself vital in predicting and explaining the catalytic properties as well as guiding
new catalyst designs with the help of theoretical calculations such as density functional

theory (DFT) calculations**°3,

2.2 The electrochemical interface and the electric double layer

The electric double layer appears at the surface of an electrode when the electrode is
immersed into an electrolyte.>* The ‘electric charges’ in the electrode and the ‘ionic
charges’ in the electrolyte rearrange close to the interface when a potential is applied.>*

Specifically in the electrolyte, an excess of ionic charges will form in the vicinity of the

10



2. Theoretical part

electrode surface; and the structure formed by these oriented dipoles and charged
species can be seen as two parallel layers, although the boundaries are rather loose, as
shown in Figure 2.2. The layer closest to the electrode, which is generally referred to
as the Helmholtz layer or Stern layer, is comprised of solvent molecules and
occasionally specifically adsorbed species.®® The electric centres of the specifically
adsorbed ions and the nearest non-specifically adsorbed ions are referred to as the
‘inner Helmholtz plane’ (IHP) and the ‘outer Helmholtz plane’ (OHP), respectively
(Figure 2.2). The non-specifically adsorbed ions, driven only by long-range

electrostatic forces, form the second layer, generally referred to as the diffuse layer,

which extends from the OHP to the bulk electrolyte due to thermal agitation.>®>’
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Figure 2.2. Model of the electrical double layer. A negatively charged electrode in an aqueous
electrolyte is used as an example. The plot reveals the corresponding potential distribution, in
which Ay and Agg;¢r are potential drops in the Helmholtz layer and the diffuse layer,
respectively.

The current understanding of the electric double layer is based on the contributions of
several generations of scientists.3%°%60:61:6263 Ty 1853 Helmholtz*® initially proposed
the electric double layer model, in which, one layer is the polarised electrode surface
and the other one is the layer of counterions closely adhering to the charged electrode
surface. This early model laid the foundations for understanding of the electrochemical
interface, although it was not comprehensive as it did not consider the thermal motion
that causes ions to leave the layer of counterions. In the first decade of the 20" century,

59,60

Gouy and Chapman considered the effect of thermal motion on the ions near the
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surface and introduced a diffuse model of the electrical double layer. In this model, they
assumed excess ionic charges distributed as a function of the distance from the electrode
surface, ignoring the inner Helmholtz layer. In 1924, Stern proposed the currently most

181, combining the Helmholtz electric double layer model with the

recognised mode
diffuse model. In Stern’s representation, some ions follow the proposition from
Helmbholtz and form an internal Stern layer adhering to the electrode while some form
a diffuse layer, as Gouy-Chapman proposed. Since the 1950s, the model was further

modified by Grahame, Bockris, Devanathan, and Miiller.5263

At present, the well-recognized double layer model is comprised of three regions,
namely the inner-Helmholtz plane, the outer-Helmholtz plane, and the diffuse layer
(Figure 2.2). In the region of 0 < x < a/2 (where x 1is the distance from the
electrode surface and a is the diameter of the solvated counter-ion in the electrolyte),
a water dipole layer with the so-called specifically adsorbed species, which lose to a
certain aspect their solvation shells, is directly attached to the electrode surface and
predominantly constitutes the inner-Helmholtz region. The outer-Helmholtz region is
comprised of non-specifically adsorbed species which retain their full solvation shell.
With regard to x > a/2, the diffuse layer extends from the outer-Helmholtz plane to
the bulk electrolyte.

In the region of 0 K x < a/2, namely the Helmholtz region, according to the
Poisson equation, the relationship between the space-charge density and the potential

can be written as (for a one-dimensional problem):

o) p
dx? &€

2.1)

where x is the direction vertical to the electrode surface, @(x) is the corresponding

potential and p is the space-charge density.

Applying no potential and treating these ions as point charges, we can assume the

charge density between the electrode and the Helmholtz plane to approach zero. Hence,

2
d d‘i(zx) —0 2.2)

Integrating this formula, we can get the following equation
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do(x)

= Constant (2.3)
dx

With the boundary conditions, x = 0,¢9(0) = @u;x =a/2,¢(a/2) = @oup; the

potential is written as

2[om — Qonplx
- (2.4)

o(x) = oy —

where ¢, isthe potential of the electrode, @,yp the potential at the outer-Helmholtz

plane.

The integral capacitance of the interface can be calculated from the following

expression

A
C=&? (2.5)

where [ is the distance separating the plates, A is the surface area of the plates, & is
the vacuum permittivity, and ¢, is the relative permittivity. Based on experimental
results, this capacitance should consist of two parts: the water dipole layer and the
adsorbed ions. Thus, ignoring the surface area, the capacitance of the Helmholtz layer,

Cy, can be given by

1 1 1

CH Cdipole CIHP - COHP

(2.6)
aHzo + Aion

Edipole€0  2&HP—0HPED

where ay,o and a;,, are the diameter of the water molecule and the largest solvated

ion, respectively.

Moreover, the capacitance in the Helmholtz region is, in fact, primarily determined by
the water molecules, as the effect of the ionic diameter is found to be rather limited.
This is essential for the results presented in Chapter 7. It should be noted, however, that
this formula does not clearly demonstrate the influence of the electrode materials and

the structure of the electrode surface.

In the region of x > a/2, according to the Gouy-Chapman model, the diffuse region
can be described by Boltzmann statistics. In this model, all ions in the electrolyte are

13



2. Theoretical part

assumed to be point charges and influenced by both electric attraction and thermal
motion. To simplify the following discussion, a new variable & is used to replace the
distance x, where & = x —a/2. Then, the potential in the diffuse region can be

rewritten as:
(x) = ps — p(§) (2.7

where ¢, is the potential of the electrolyte and ¢(&) is the potential at the distance
€.

According to the linearised Poisson-Boltzmann equation, the relationship between the

space-charge density and the potential can be written as:

d*p(x)
= ko5 — (&) (2:8)
which solves to give
¢s — @(§) = Constant e~ (2.9)

Combined with the boundary conditions, ¢@s— @(§) = @5 — @oyp Whené =0,
Equation (2.9) thus becomes

@s — 9(&) = [ps — poup] €7

2.10
= A(pdiffe_kf 10

where A@g;irs is the potential drop across the diffuse region, generally known as zeta-
potential. When the distance from the outer Helmholtz layer, &, is equal to k™1, the
potential drops to a value 1/e of A@g;ff. This distance k=1 isnormally taken as the

length of the diffuse layer and referred to as Debye-length.
Based on Equation (2.5), the capacitance of the diffuse layer can be given as:

Caifr = kergg (2.11)
From this formula, it is clear that the capacitance of the diffuse layer is closely
associated with the electrolyte.

The whole electric double layer, 0 < x < k™1, can be seen as the Helmholtz region
and the diffuse layer connected in series.
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The potential drop across the whole double layer region, A, can be outlined as:

Ap = [poup — Pu] + [@s — Pouple™
Apaiss 2.12)

where A@y and A@g;rr/e are the potential drops in the Helmholtz region and the

diffuse layer, respectively.
The capacitance of the whole double layer region, Cp, can be summarized as:

1 1 1

= —+
Cp  Cu  Cayy

(2.13)
An,0 + Qion 1

Edipote€0  2&mmp—onpEo  kergg

where Cy and Cgy;ff are the capacitances of the Helmholtz region and the diffuse layer,

respectively.

In concentrated solutions, according to this expression, the capacitance Cp
predominantly depends on Cy since Cgyirp is several orders of magnitude higher. In
dilute solutions, on the other hand, the capacitance Cg4;ry must be taken into account,
as k decreases and Cg4;rr becomes increasingly significant in this expression for

Cp.>® This rule will exert a significant influence on the experiment design in Chapter 7.

The electric double layer plays an integral role in the functionality of numerous
innovative energy systems, ranging from batteries to supercapacitors and from
electrolysers to fuel cells. However, further investigation is required as there are still
various unsolved questions such as the question of the EDL structure in various

systems. %

2.3 Catalytic active sites

In electrocatalysis, active sites are an array of sites or a region in the catalyst surface
that primarily determine the performance of the catalyst.’® According to the Sabatier
principle, the interaction between reaction intermediates and catalysts should be
optimal for the best performance.** However, intermediates usually bind differently to

various types of sites on the catalyst surface. Thus, the electrocatalytic performance of
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different surface sites can vary considerably. This inspired the principle of active sites.

Langmuir®® was the first to affirm that, for authentic catalyst surfaces, the assumption
that all sites are energetically identical and non-interacting was an unacceptable
approximation. Consequently, he proposed the original model to describe the
chemisorption of different surface sites. In this model, he assumed that an array of sites

would control the activity, and the typical Langmuir adsorption isotherm was obtained.

This model provided the first surface science approach in heterogeneous catalysis.
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Figure 2.3. The ORR activities of various stepped single crystalline surfaces and metal alloy
catalysts. (A) Relative ORR activities of Pt and Pt alloy stepped single crystal electrodes at
0.9 Vgrue in 0.1 M HCIO4, as compared to Pt(111). Stepped single crystals with different atomic
widths of the (111) terraces were characterised. (B) ORR activities of various Pt alloy catalysts at
0.9 Vrue relative to the corresponding Pt catalyst. The activities were plotted against the empirical
radius of the solute metal. Graphics are reprinted with permission from ref.67. Copyright 2016,
American Chemical Society.

Subsequently, Taylor 8 emphasised the heterogeneity of surface sites and the
corresponding effects. Taylor recognised that ‘...there will be all extremes between the
case in which all atoms in the surface are active and that in which relatively few are so
active’®; and non-equivalent sites can generate different activities due to the local
environmental heterogeneity of surface atoms. This heterogeneity originates from both
varied coordination numbers of surface atoms and different surface or bulk
compositions. Terraces, edges, corners, ledges, vacancies, and kinks on the surface can
all cause a variation of coordination numbers of surface atoms.®® In terms of catalysts
with multiple components, it is apparent that the surface composition would differ from

that of the bulk catalyst as well as between each crystal facet. This heterogeneity has a
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significant effect on the catalyst performance, as has been confirmed by surface science

66,70

studies on samples such as stepped single crystalline surfaces (Figure 2.3A) and

various metal alloy catalysts (Figure 2.3B).

According to the statement of active sites in the Taylor’s principle and experimental
kinetic measurements, electrochemical reactions are divided into two categories

depending on whether a specific surface structure is necessary to promote the reaction.’*

1. Structure-sensitive reactions. For these reactions, the adsorption of the
intermediates/reactants and/or the following process predominantly occur
on specific sites of the surface. Accordingly, it can be observed that there
are always strong interactions between the reaction intermediates and the
catalyst surface in this type of reactions.

2. Structure-insensitive reactions. In those reactions, all sites on the surface
apparently exhibit similar activities. With regard to some of these
reactions, the surface even adapts itself to the reaction conditions, as
Taylor stated: ‘The amount of surface which is catalytically active is
determined by the reaction catalysed’.”>"® In this case, the interactions

between intermediates and the catalyst surface are relatively weak.

The present study on active sites is important for deeper fundamental understanding of
electrocatalysis and the design of new electrocatalysts. However, in-depth study
requires more advanced research techniques, as identification of active centres requires

in-situ experiments under the working conditions of catalytic systems.®

2.4 Electrocatalytic reactions in energy conversion and storage

As discussed in Chapter 1, water electrolysers and fuel cells are the most crucial devices
for energy conversion and storage in the hydrogen economy. Water splitting is an
efficient method for converting renewable electrical energy into chemical energy; and
fuel cells will be the primary devices to release the stored chemical energy in

households, for transportation and in industry.’*"

Water splitting, usually referred to as water electrolysis, is an electrochemical reaction
that decomposes H>O into O and H».”® Tt is normally driven by a direct electric current.
The corresponding reactions occurring at the cathode and anode are referred to as the
hydrogen evolution reaction, HER, and oxygen evolution reaction, OER, respectively.
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Fuel cells are typically used for converting the energy stored in hydrogen bonds to
electricity.”” They are one of the most attractive electrochemical cells because of their
high theoretical energy density and their environmentally-friendly attributes. In those
cells, hydrogen is consumed at the anode by an oxidation reaction referred to as the
hydrogen oxidation reaction, HOR, whilst oxygen is reduced at the cathode by the
reaction referred to as the oxygen reduction reaction, ORR. During operation, direct
current electricity will be produced, as electrons will flow from the anode to the cathode

through an external circuit.

In order to comprehend the reactions involved in water electrolysers and fuel cells,
some fundamental concepts concerning the reaction kinetics, such as the Butler-Volmer

equation, overpotential, and exchange current density, require further clarification.

2.4.1 Reaction kinetics

Generally, electrolytes are substances that conduct ions. When an electric field, E, is

applied, the ions in the electrolyte experience electric field force, Fg:

Fy = zeyE (2.14)

where e, is the elementary charge, and z is the charge of the ion. The ions in the
electrolyte move due to the electric field force, and this motion subsequently leads to

an ionic electrical current flowing through the electrolyte.

Electrodes are electronic conductors used for exchanging electrons or ions with the
non-metallic aspect, for example, a vacuum or air, an electrolyte or a semiconductor.
The electrodes can be metals or semiconductors. The electrodes responsible for
transferring electrons from electrolyte species to external circuits are usually referred
to as anodes, whilst those responsible for delivering electrons to the electrolyte species

are usually referred to as cathodes.

Typical energy conversion or storage systems, such as electrolysers and galvanic cells,
are comprised of electrodes and electrolytes. For the electrolyser system, when an
electric field is applied, cations migrate towards the cathodes and anions towards the
anodes; when the applied potential exceeds a specific value (namely the decomposition
potential, @y), some cations will receive electrons from the cathodes and become

reduced, and some anions will lose electrons at the anodes and become oxidised. This
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redox process, driven by a direct current, is referred to as electrolysis. With regard to

the galvanic cell, the processes are similar but reversed in relation to the electrolyser.

Cell potential E/V

Currenti/A

Figure 2.4. Cell potential, E, plotted against load current, i. Red and black lines schematically
depict the variation of the potentials for electrolyser systems and galvanic cells, respectively. E,
is emf, Ep - the decomposition potential, R; - the internal resistance, R, - the external
resistance. When the load current increases, the cell potential will increase in the electrolyser
system and decrease in the galvanic cell.

In this work, electrolyser with liquid electrolytes will be explained to describe the

relationship between the applied potential and the energy required for driving chemical

reactions. As stated, redox reactions in the electrolyser can only occur when the applied
elec

potential, @S¢, is higher than the decomposition potential, ¢,. At the potential ¢,

the corresponding free energy change, A, G, can be depicted as:

A.G =nFo, (2.15)
where n is the number of electrons transferred during the reaction and F is the
Faraday constant.

Therefore, the following equations will be established, if the electrolyser is functioning:

when  @f%° > ¢,  then, nF@fe —A,G>0 (2.16)

In terms of a galvanic cell, if the cell is functioning (namely the cell is discharging), the
driving voltage of the external system, @7 % is lower than the electromotive force of

the cell, ¢,. Thus, the following equations should be established,
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when  @9%" <@,  then, nFpI*™ —A7,G<0 2.17)

Under standard conditions, i.e. when concentrations are 1 mol dm™ and the pressure is
1 atm, this potential ¢, is referred to as the standard electrode potential. With regard
to the electrolyser system, ¢, is referred to as the decomposition potential (Ep).”® In
terms of the galvanic cell, ¢, is equal to the battery electromotive force (E,) / the

electromotive force of the cell (emf).”

However, due to the internal resistance of electrochemical systems, the measured
decomposition potential is higher than its theoretical value; conversely, the observed
electromotive force for galvanic cells is always significantly lower (Figure 2.4).
Moreover, with increasing current, the cell potential increases in the electrolyser system
but decreases in the galvanic cell. If only taking the Ohmic drop into consideration, the
corresponding relationships between the measured cell potential, E, and the current, i,
can be simply indicated in Equations (2.18) and (2.19) for the electrolyser system and
the galvanic cell, respectively (Figure 2.4).

E =Ep +iR; (2.18)

E =E,—iR; = iR, (2.19)

where R; is the internal resistance of electrochemical systems, Ep - the
decomposition potential, E, - the battery electromotive force, R, - the external

resistance in the electric circuit.>®

In fact, when a current flows through the cell, causing it to depart from equilibrium, not
only will the Ohmic drop affect the cell voltage, but each electrode will display a
characteristic current-voltage behaviour; therefore, in general, the measured overall cell
voltage will be a combination of both these effects.>® In Section 2.4.1.1 and 2.4.1.2, the
system of an electrolyser will be used to discuss the situation of electrochemical

equilibrium and non-equilibrium, respectively.
2.4.1.1 Nernst equation
An electrolyser can only operate if the applied potential exceeds the decomposition

potential. In order to investigate electrochemical systems, the first step should be to

define this potential.
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The chemical potential for a component i in a mixture, y;, is defined as:
_ 0L
ui =p;~ +RT Ina; (2.20)

where a; is the activity of component i, u{* is the corresponding chemical potential

at unit activity, T - temperature, R - universal gas constant.

Therefore, the total free energy of a mixture of all components can be written as:

G = Z Ml (2.21)

Assuming that a reaction takes place in such a large volume that the fractions of both
reactants and products are not considerably changed, the free energy change can be

written as

AG, = z 2 (2.22)

l

where v; is the stoichiometric number of component i.

At equilibrium, the free energy change, AG,, must be zero. Thus, the fundamental
equation for a chemical reaction at equilibrium can be obtained according to Equation

(2.22),

Z Vit = 0 (2.23)

l

In electrochemical systems, materials of two different phases are brought in contact
with each other, namely electrode and electrolyte, resulting in a potential difference, ¢.
If taking this potential difference ¢ between electrode and electrolyte into account, the

free energy change becomes

AG, = Z vi(ui + ziFo) = Z Vifl; (2.24)

L L

The introduced f; is defined as the electrochemical potential, and the potential ¢ is
always referred to as the Galvani potential. At the condition of electrochemical

equilibrium, the fundamental reaction equilibrium expression (2.23) becomes
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Z vifly =0 (2.25)

i
Taking the simplest redox reaction as an example, we have

Sred © Sox + ne” (2.26)

where Sg.4 and Sy, are termed the reduced and oxidised components in the redox
reaction, respectively. When this reaction is at equilibrium, namely that the double layer
at the electrode interface and the Galvani potential difference stabilise, according to

Equation (2.25), the following relationship can be achieved
Prea = Hox + Nfle- (2.27)
Combined with Equations (2.24) and (2.20), this equation becomes

uSss + RTInageq + nFoy = uds + RT Inay, + nF g + nul- (2.28)

Therefore, the Galvani potential difference, A¢g, can be written as

Hox +nud- —Upea  RT  apy
+ In

Ap = — = -
b =Pum=Ps nkF nF  Qpea

(2.29)

where A@° is the standard Galvani potential difference. In the case that a,, and
Agreq are equal, the standard Galvani potential difference is the Galvani potential

difference between the electrolyte and the electrode.

For a normal redox reaction on the electrodes as shown in Equation (2.30)

Z nredSRed = z nOxSOx +ne- (2.30)

Red Ox

Equation (2.28) then becomes

Z Ngea (Upsa + RT In aZ’SZﬁ) +nFoy

Red . (2.31)
= Z Nox (Mx + RT Inap?*) + nF g + nug-
Ox
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Therefore, the generalised Nernst equation can be obtained as:

RT A
E=E+ —1nnox—‘,’ljged (2.32)

ne _ M, "2, | T
where [[ra," = a5 -ag? - ... ag/.

The Nernst equation relates the potential for an electrochemical reaction with the
activities of the species participating in the reaction, the standard electrode potential

and the temperature at the situation of electrochemical equilibrium.

In addition, according to Equations (2.28) and (2.29), defining the absolute value of
the potential appears to be impossible. In other words, A@ and A@° are not
experimentally measurable. Therefore, an additional electrode with a constant Galvani
potential difference is used as a reference point in the electrochemical systems. This
electrode is referred to as the reference electrode, and the corresponding system is
named the three-electrode system (with a working electrode, reference electrode and
counter electrode). A widely accepted reference electrode is the standard hydrogen
electrode (SHE) since this electrode can quickly and reproducibly establish its
equilibrium potential and maintain this potential well over time.® But in fact, the
reversible hydrogen electrode (RHE) is the reference electrode used for experimental
measurements because the SHE is closely associated with the pH of the electrolyte and
defined on the basis of an ‘ideal’ solution. According to the Nernst equation, the

relationship between the potentials versus the RHE and the SHE follows the equation®!

E =F +1n10 RTl
RHE = Lspp T 1IN oF 0og

2
a
H;0 ] (2.33)

Thus, at 25°C and unit H» partial pressure (py, = p°),

ERHE == ESHE + 00591 " pH (234)

As there are many reference electrodes to choose from, e.g., saturated calomel electrode
(SCE), mercury-mercurous sulfate electrode (MSE) and mercury-mercury sulfate
electrode (MMS), the MMS was chosen as the reference electrode for all the
measurements in this research. The potential versus the MMS can be linked to that
versus the RHE at room temperature through the following equation

23



2. Theoretical part

2.4.1.2 Butler-Volmer equation

The Nernst equation describes the situation of the electrochemical system at
equilibrium, but what about non-equilibrium states? In other words, based on the Nernst
equation, the relationship between the potential of the reaction and activities of
chemical species taking part in the reaction is established, but how does the potential

influence the electrical current flowing through electrochemical systems when reactions

occur on electrodes? Kinetic considerations are given by the Butler-Volmer equation.

\

(1 — BnFAE|

AG4(E>)

Standard free energy

SRed = SOx +e”

Reaction coordiante

Figure 2.5. Schematic of the free energy change in a redox reaction when one electron is
transferred from the electrode. Only parts of the free energy change are reflected in the free
energy change of the activated species.

According to the definition, the current density, j, for an electrochemical reaction is
given by

j=nFv (2.36)
where v is the reaction rate, n is the number of electrons participating in the reaction,
and F is the Faraday constant.

At the situation near the equilibrium, when the mass transfer-influence is so small

that can be disregarded, the reaction rate v is given by
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AG
=k-c=k° _)- 2.37
v=k-c exp( RT) c (2.37)

where k is the reaction rate constant, ¢ is the concentration of reactants near the
electrode surface. For this situation, the reaction rate constant, k, only depends on the
free energy change, as given by Equation (2.37); the concentration of reactants, c, is

constant.>®

In the simplest case of redox reactions, i.e. in the case of Reaction (2.26) and Figure

2.5, the cathodic current density at the potential E;, j~(E;), is

AG_(Ey)

— (2.38)

B = ~nFvgeq = ~nFeguky” exp|-
where ¢y, 1s the concentration of oxidised species. For the situation near the
equilibrium, the transfer of the oxidised species from the bulk to the electrode surface
is quick enough to keep the concentration ¢, constant. Besides, the negative sign in

this equation accounts for electrons flow from the electrode to the solution.

Only parts of the change in the free energy, caused by the potential change, are reflected
in the free energy change of the activated species (Figure 2.5). When the electrode
potential is changed from E; to E,, there is no change in the free energies of the left
part of the Reaction (2.26) (also shown in Figure 2.5), AG. (E), which means that not
all free energy changes appear for the activated species.’® For simplicity, an asymmetry
factor S is introduced, and according to Equation (2.16), the corresponding free energy
changes on the cathode and anode are indicated in the Equations (2.39) and (2.40),

respectively.
AG_(E,) = AG_(E,) + BnF - AE (2.39)
AG,(E,) = AG,(E,)) — (1 — B)nF - AE (2.40)
Therefore, on alteration of the electrode potential from E; to E,, the current density on

the cathode can be written as

AG_(E,) + BnF + AE
RT

JT(Ey) = nFcocky™ exp |— (2.41)

As stated in Section 2.4.1.1, a reference electrode is needed to measure the electrode
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potential. Thus, if taking the potential E; as a reference point, i.e., the potential of the
reference electrode, the potential change AE can be treated as the measured potential,
E. Besides, as the reference electrode is independent of factors such as cp,, the part of
exp[—AG_(E;)/RT] is constant and can be taken into the reaction rate constant, kg .

Equation (2.41) for the cathodic current density then becomes

JT(E) = —nFcoyk, exp|— (2.42)

]

Similar to the cathodic current density, the anodic current density can be written as:

(1 - p)nF - E] (243)

JY(E) = +nFcgeqk exp [+ BT

At the equilibrium potential, E,, the net current should be zero, which means

jT(E,) =j*(E,) = jo. jo is referred to as the exchange current density.

. , _ pnF - E
J () = —jo = —nFeocky exp || (.44)
1—B)nF-E
JY(E,) = +j, = +nFcgeqkg exp [+( ﬁR)T r] (2.45)

Therefore, at equilibrium, since Equation (2.44) is equal to Equation (2.45), after the

rearrangement, the following equation can be written

_RT ki RT co
" nF nka’ nE " Crog

(2.46)

If E° is used to replace the first summand, this equation becomes the Nernst equation
mentioned in Section 2.4.1.1. But it should be noted that this equation is obtained under
the condition that the salt in the electrolytes is excessive. Thus, the activity coefficients
of the oxidised or reduced species, a, are likely independent of the corresponding

concentration, C.

Additionally, the exchange current density, j,, can be calculated from the Equations
(2.44) and (2.45) by introducing the definition formula of E, (namely the Equation
(2.46)),

26



2. Theoretical part

nF - E
—jo =nFky (cRedCOxﬁ)exp[ u] (2.47)
1—pB)nF-E
+jo = +nFkg (cRedCOxﬁ)exp[ ( 'BR)T O] (2.48)

As the net current is zero, Equation (2.47) should be equal to Equation (2.48),

nF - E 1—-p)nF-E
nFky exp [— pnF - Eo) _ nFkg§ exp |+ ( A 0] nFk, (2.49)
RT RT
therefore,
jo =nFkych co P (2.50)

At the situation near the equilibrium, the actual electrode potential, E, should include
not only the equilibrium potential, E,, but also the overpotential, 1. Thereby, the
overpotential is the difference between the equilibrium potential and the applied
potential required to initiate the electrode reactions. The net current is the algebraic sum

of the cathodic and anodic current density:

(2.51)

b e a- ﬁ)nF N ﬁnF n

=0 = e [ —ex }
This is the famous Butler-Volmer equation. But note that this equation is under the
condition of relatively low current density; i.e. there is no mass transfer effect. It also

does not account for the adsorbate-adsorbate interactions.

At the situation far from the equilibrium, when the mass transfer influence has to be
considered, the concentration of the activated species near the electrode surface will
differ from the bulk concentration and change with time due to the mass transfer

limitations.®? Therefore, the reaction rate, v, in Equation (2.37) should be modified as
AG
v=k-c(0,t) = kPexp(— ﬁ) -¢(0,0) (2.52)

The more general expression of the Butler-Volmer equation, applicable to the mass

transfer-influenced conditions, can be written as®':
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._.{ [(cm(o t)) [ (1—ﬁ)nF nl
J=doyexp |\ ——|exp |+ —pr——

c0x<0 D, ﬁnF n ]}

(2.53)

—(——

2.4.1.3 Tafel equation, overpotential and limiting current density
Several fundamental concepts related to this work, i.e. Tafel equation, overpotential,
and limiting current density, are introduced based on the Butler-Volmer equation.

When there is no mass transfer effect, the overpotential can be written based on Butler-

Volmer equation (Equation (2.51)):

Cathodic RT RT

=z minjo— o= inlj 2.54

reactions: Met BnF nJo BnF nljl (2.54)
Anodic RT RT

= T A= pmF et In]j 2.55

reactions: Met (1— B)nF "ot —BnF nljl (2.55)

Therefore, the overpotential has the following form:
n=A+Bnl|j| (2.56)

This semi-logarithmic equation is the so-called Tafel equation, and B is the Tafel slope.
This overpotential is mainly determined by the charge transfer, and thus termed as

transfer overpotential, ;.

Under the mass transfer-influenced conditions, the overpotential can be written based

on the more general expression of the Butler-Volmer equation (Equation (2.53)):

Cathodic RT i| RT ¢

. n=———lnM———ln—0£ (2.57)
reactions: BnF  jo pnF  cpy
Anodi RT ' RT c°
nodic . lU| Red (2.58)
reactions: (1 — p)nF (1-pB)nF CRed

where ¢® isthe concentration of oxidised/reduced species near to the electrode surface,
and c® the corresponding concentration in bulk. Obviously, the first parts of

Equations (2.57) and (2.58) are the transfer overpotential 7,;. Therefore, the second
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parts are defined as the diffusion overpotential, 14;5f.

Cathodic RT ng

. = e 92X 2.59
reactions: Naiff pnF n Cox ( :
Anodic RT Cged

: = 2.60
reactions: Nairr =+ (1—-p)nF n CRed ( :

This diffusion overpotential is clearly caused by the difference in species concentration

between the near-electrode-surface and the bulk. The total overpotential, M., 1s then
Ntot = Net t Naiff (2.61)

If continuing to increase the overpotential (at very high current density), the current is
not determined by the charge transfer but totally by diffusion. To simplify the discussion,
the one dimentional case is only considered. According to Fick’s first law, the following

equation can be written

aCi

-D 2.62
A (2.62)

Ji =
where J; is the diffusion flux of electroactive species i, c; is the concentration of
electroactive species 7, and D is the diffusion constant. If this equation is combined

with Equation (2.36), the current density then can be written as:

c®—c*

dc;
j= ) nFJi= ) =nFD(5 g = nFD — (2.63)
i i

where SN is referred to as Nernst diffusion layer thickness, ¢ is the concertation in
bulk, and c?® is the concertation at the electrode surface. If assuming that the reaction
on the electrode is fast enough to make c¢* approach zero, the current density then
becomes a limiting time-independent value, which is known as limiting current density,
Juim?

0

jiim =FD <= (2.64)

The corresponding potential range is referred to as the limiting current range.
The corresponding diffusion overpotential is also changed. The potential drop caused
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by the charge transfer is so small that n; can be neglected. Thereby, ng;rr canbe seen
as the potential drop from the bulk of electrolytes to the surface of electrodes at

equilibrium. According to the Nernst equation, 1g;r; can be given as:

RT c*
Naiff = ﬁlnc_o (2.65)

If dividing Equation (2.63) by Equation (2.64), the following equation will be
obtained:
J c®

=1-5 (2.66)

Jiim
Combined with Equation (2.66), Equation (2.65) becomes
J

= RTl 1 2.67
Naiff = 7 n( jlim) (2.67)

In a word, at a low overpotential, the reaction kinetics are mainly controlled by the
charge transfer; at a medium overpotential, the influence from both the charge transfer
and the diffusion should be considered; at a very high overpotential, the reaction is

presumably controlled by the diffusion.

2.4.2 Water electrolysis

Water electrolysis is the process of decomposition of water into oxygen and hydrogen
by applying an electric current. Oxygen and hydrogen can be separately collected at the

anode and cathode, where the volume ratio of oxygen to hydrogen is 1:2.

The invention of water electrolysers commenced in the 18" century.®® In 1789, Deiman
and Troostwijk3 discovered that gas evolves ‘if a gold wire is discharged in water’. In
1800, water electrolysis was conducted by Nicholson and Carlisle using a voltaic pile,
namely the first electrical battery.® Following decades of development, thanks to
Gramme and Lachinov®, the cost of water electrolysis was significantly reduced, and
water electrolysis was instituted for the industrial production of hydrogen. The first
large-scale commercial electrolyser was built in Canada in the 1920s.8” To date,
numerous researchers are still attempting to reduce the cost, especially constituted by

the substantial demand for electricity.
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The overall reaction of water electrolysis (Figure 2.6) is

2 H2O(1) —» 2 Ha(g) + O2(g)

At standard atmospheric pressure and temperature, the equilibrium cell potential is
1.23 V. According to the Nernst equation, this theoretical cell potential is independent
of the pH of the electrolyte. Although the theoretical value is just 1.23 V, the typical
working potential of commercial electrolysers is significantly higher, typically 1.8 V to

2V, due to the unavoidable overpotential®*.

Figure 2.6. A scheme of water electrolysis in basic media. During water electrolysis, OER takes
place at the anode whilst HER occurs at the cathode.

Using proper catalysts is an effective way to reduce the overpotential in water
electrolysis, as they can reduce the activation energy for the reaction. The choice of the
catalyst determines the cell potential of electrolysers and the conversion efficiency.

Therefore, the research focus is set upon the designing new electrocatalysts.%:8°

Nevertheless, due to the high energy density of hydrogen and its environmentally-
friendly characteristics, water electrolysis has already been applied in the industry for
almost a century. At present, there are primarily two distinct types of industrial
electrolysers. One is an alkaline electrolyser ®, in which anodes, cathodes, and
electrolytes typically use Ni/Co/Fe composites, Ni-based materials, and highly
concentrated KOH or NaOH solutions. The optimal temperature is from 60 to 80 °C,

2

the typical current density is 0.2-0.4 A cm™“ and the hydrogen production is less than

31



2. Theoretical part

760 N m? h''. The advantage of this electrolyser is that the electrode materials, normally
non-noble metal composites, are relatively cheap, but the low conversion efficiency
severely limits its application. Another one is the polymer electrolyte membrane (PEM)
electrolyser. It typically uses Ir, Pt, and solid polymer electrolytes as anodes, cathodes,
and electrolytes, respectively.®® The optimal temperature is from 50 to 80 °C, the

operational current density is from 0.6 to 2 A cm™2

and the hydrogen production is
less than 30 N m® h!. This electrolyser has a good conversion efficiency, a high current
density and a compact design, but the expensive electrode materials and membranes

limit wider application of PEM-electrolysers.

2.4.2.1 Hydrogen evolution reaction

During water electrolysis, hydrogen generates at the cathode side of the cell. The
reaction taking place at this electrode is referred to as HER. The mechanism of this
considerably simple reaction has been widely investigated in the literature, especially

in the case of Pt.%

In acidic media, the reaction equation at the cathode is

2H +2e > H»

The corresponding mechanism involves a two-electron transfer and either follows so-

93,94

called Volmer-Tafel step or the Volmer-Heyrovsky step®**, as shown in the following

equations (* corresponds to an adsorption site)

H +e+* > *H Volmer step
2*H - Hy+2* Tafel step
H +e+*H > Hy +* Heyrovsky step

Recently, it has been observed that both types of electron transfer are present in acidic
HER, especially at high overpotentials.®® The Tafel step is often recognised as the rate-

determining step at least for the acidic HER on Pt-based electrodes®®.

In alkaline media, the HER reaction follows the below scheme

2HO+2e —» 20H + H»

resembling that in acidic media, the mechanism is comprised of a two-electron transfer
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and follows either the Volmer-Tafel step or the Volmer-Heyrovsky step, as shown below.

An additional water dissociation step is added to the Volmer step.®’

HO+e +* - *H+ OH" Volmer step
2*H - Hy+2* Tafel step
HO+e +*H - H,+ OH + * Heyrovsky step

In contrast to the mechanism in acidic media, the Volmer step becomes the rate-
determining step for Pt-based electrodes in alkaline electrolytes resulting in their lower

overall HER perfomance.”®

According to the Sabatier principle, the highest activity should be observed on catalysts
with an optimal hydrogen binding energy, as the adsorbed hydrogen is the only
intermediate in both acidic and basic solutions. Relation of theoretical hydrogen
binding energies with experimental HER activities of different materials leads to the
HER volcano plot shown in Figure 2.1. To date, the highest HER performance in both
acidic and alkaline solution has been achieved using Pt-based electrocatalysts. Recently,
however, almost comparable alkaline HER activities have been reported for several

non-noble metal-based materials, such as NiN3*® and CoP*®.

Although the HER has undergone decades of investigation and solely involves one
intermediate species, there are still several unsolved problems. For instance, improving
the alkaline HER activity of Pt to a similar level as its performance in acidic media is
crucial in order to improve the low conversion efficiency of alkaline electrolysers.
Moreover, the design of new non-noble metal catalysts for the acidic HER would be

highly beneficial to reduce the cost of the devices.

2.4.2.2 Oxygen evolution reaction

At the anode side of a water electrolyser, oxygen is produced during so-called OER.

Typically, it occurs on oxidised metal surfaces at relatively high overpotentials.10%-102

In acidic media, the reaction equation is

2H,O - O, +4e +4H"

The corresponding mechanism is much more complex than that of the HER. It involves

a four-electron transfer and has at least three reaction intermediates, being *OOH, *OH,
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*0. Though there are several possible reaction pathways, those shown in the following

equations are widely accepted in the literature'%:
HO+*—> *OH+H" + ¢
*OH - *O+H"+¢
*O+H0 - *OOH +H" +¢

*OOH - O, +H +*+¢

In alkaline solutions, the reaction equation is

40H - 2H0+02+4¢

Similar to that in acidic media, the mechanism in alkaline solutions is also based on the
four-electron transfer, which includes the same three different reaction intermediates.

The most recognised reaction pathway is shown as follows'%*:
OH +* - *OH +¢
*OH+OH - *O+HO+¢
*O+H,O+OH - *OOH+ HxO +e¢”

*OOH+OH - O +HO+*+e¢”

However, regardless of the electrolyte, the reaction rate of the OER is very low as
compared to the HER. Although considerable efforts have been made to improve the
OER performance, the poor stability of the oxide electrodes and the so-called ‘scaling
relations’ are the critical bottlenecks of the OER, as explained below.!® The surface
structure of the electrode materials used for the OER changes over time due to an
inevitable ‘oxidation process’ that occurs during the reaction. This process results in

poor long-term stability?%®

and is difficult to study in-situ. Moreover, it is probable that
some components of the oxide electrodes are directly involved in the OER. Shao-Horn
et al. %" recently provided direct experimental evidence that lattice oxygen, i.e., oxygen
incorporated in the bulk structure of the electrode material, is also involved in the OER.
Besides, based on thermodynamic calculations, the OER activity indeed depends on the
binding energies of the reaction intermediates (i.e., *OOH, *OH, *O). Optimal

adsorption energies of these critical intermediates should affirm a superior activity
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1108 1109

according to the Sabatier principle. However, Norskov et al**° and Rossmeisl et a
discovered that the adsorption energies of *OOH, *OH, and *O are linearly related,
also referred to as the ‘scaling relations’ (Figure 2.7). For example, RuOx, the most
active electrocatalyst for OER, binds *OOH too strongly and *O too weakly. The *O
binding has to be strengthened in order to promote OER kinetics, which will essentially
lead to the undesirable strengthening of *OOH binding.!% Therefore, improving the
OER performance and understanding its internal mechanism are required to initially

address these limiting factors.
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Figure 2.7. Trends in adsorption energies of OER/ORR reaction intermediates. The values were
calculated for doped graphite-based materials, in which the active sites are composed of transition
metal and nitrogen atoms. The so-called ‘scaling relations’ indeed exist between the adsorption
energies of *OH (red), *OOH (yellow) and *O (blue). There is a constant separation of ~3.10 eV
between the adsorption levels of *OH and *OOH; *O is located in-between. The triangle and
square symbols are values obtained from two different unit cells. The lines are a guide to the eye.
The graph is taken from ref.109. Copyright 2011, The Royal Society of Chemistry.

2.4.3 Fuel cells

A fuel cell is an electrochemical device that converts the chemical energy stored in fuels
into electricity. The theoretical conversion efficiency of fuel cells is exceptionally high,
because it uses a pair of electrochemical reactions, directly converting the chemical
energy of fuels into electricity, and thus is not limited by the Carnot efficiency. In
addition, as it typically uses oxygen and hydrogen without any mechanical transmission

component, there is negligible noise pollution and no emission of hazardous gases.
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Therefore, fuel cells are one of the most promising power generation technologies for

the future.110:111
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Figure 2.8. Schematic of a hydrogen PEM fuel cell. At the anode, HOR takes place, i.e., the

supplied fuel, Hy, decomposes into protons and electrons. The protons then move through the
electrolyte to take part in the reaction at the cathode. At the cathode, ORR takes place, i.e., oxygen
(normally from air) is reduced, and then together with the hydrogen ions, water is produced. The
continuous reactions drive the electrons through the external circuit, resulting in electric power,
while only water remains as a waste product. This figure is taken from ref.112.

The first fuel cells were constructed in the 1840s, when Grove'*® and Schénbein'"
discovered that currents were generated from oxygen and hydrogen dissolved in water
when Pt electrodes were used. In the 1950s, the so-called ‘Grubb-Niedrach fuel cell’
was invented ', with improved fuel cell design; and Pt was deposited onto the
membrane to act as a catalyst. In the 1960s, the commercial use of fuel cells was realised
in the NASA space programme.™® In 1991, Billings'!® developed the first hydrogen
fuel cell car. At present, various types of fuel cells have been developed, such as the
alkaline fuel cell (AFC), the solid oxide fuel cell (SOFC) and the polymer electrolyte
membrane fuel cell (PEMFC).1Y’

Fuel cells are typically comprised of an anode, a cathode, and an electrolyte. The
difference from other energy conversion devices, for example, batteries, is that the
electrodes in fuel cells do not contain any reactive substance yet rather serve as catalysts
for the corresponding reactions on their surface. In principle, as long as fuel is supplied

from the outside, the cells can maintain power generation. Taking an alkaline hydrogen-
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oxygen fuel cell as an example, the reactions occurring in the fuel cells are reverse of

those in water electrolysis, as follows:

Overall reaction 102+ Hy - H2O
Anodic reaction H,+20OH -2 H,O+2 ¢
Cathodic reaction 0O, +H,O+2e¢e -2 0H

Furthermore, the occurring reactions depend on the electrolytes used. For instance, the
reactions occurring in a phosphoric acid fuel cell (PAFC) and PEMFC are associated

with the hydrogen ions in the electrolyte, as follows:

Overall reaction %02 +Hy, - HxO
Anodic reaction H, -2H"+2¢
Cathodic reaction B 0O+2H +2e¢ - HO

As shown in Figure 2.8, the supplied fuel (H2) decomposes into protons and electrons
at the anode. The protons then move to the cathode side through the electrolyte.
Meanwhile, the electrons transition through the external load circuit and participate in
the cathodic reaction. Continuous reactions drive the electrons through the external

circuit, resulting in harvestable electricity, whilst only water remains as a waste product.

2.4.3.1 Hydrogen oxidation reaction

The anodic reaction in fuel cells is referred to as HOR. The HOR can be considered to
be the reverse of the HER, since adsorbed hydrogen is the only reaction intermediate
for both reactions. Thus, to a certain extent, an efficient catalyst for HER should also
exhibit a considerable activity towards the HOR. As expected, numerous experiments
have proven that the volcano plot of the HER can partially be applied to the HOR.118119
Therefore, the bottlenecks impairing the HER also affect the kinetics of the HOR.

Conceivably, the most significant obstacle is still the discrepancy of the performance in
alkaline media in comparison with acidic solutions. The kinetics of the HOR in alkaline
media is almost an order of magnitude slower than in acidic solutions.'?® Although
there are various associated hypotheses, the most widely accepted one was proposed by

Gasteiger et al.*?!. It suggests that the reactions in alkaline media follow the Heyrovsky-
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Volmer mechanism, while the reactions in acidic solutions potentially follow a
Nernstian hydrogen diffusion overpotential relationship, resulting in the relatively fast
kinetics. Evidently, for the commercial application of alkaline fuel cells, it is vital to
enhance the sluggish HOR kinetics. To date, the most practical and feasible solutions
are modifying noble metal catalysts, which generally exhibit high acidic HOR activities,
for example, Ni(OH) ad-islands on Pt(111)°%, Ir-V nanoclusters'?2, as well as designing

new catalysts such as PdCu®, PtRu® alloys.

Another complication is the limited abundance of the used materials. As is well- known,
for fuel cells operating under acidic conditions, Pt-based materials are still the primary
catalysts limiting commercial applications.!?®> With this in mind, significant effort has
been made to design novel catalytic materials'?#12°, Unfortunately, the harsh conditions
in the acidic fuel cell appear to be challenging for the vast majority of potential
candidates. Consequently, the principal solution is an attempt to decrease the mass

loading of noble metal catalysts whilst maintaining a substantial HOR activity.

2.4.3.2 Oxygen reduction reaction

Electrode

- 3e

Hydroxyl Water  Oxygen Alkali M*
Species cation

Figure 2.9. Schematic illustration of the ORR mechanisms in alkaline media: inner-sphere
(inset i) and outer-sphere (inset ii) electron transfer mechanisms. The inner-sphere electron
transfer mechanism is the well-known four-electron transfer process, in which oxygen is directly
or serially reduced to hydroxide ions. The outer-sphere electron transfer mechanism is a two-
electron reduction promoted by the noncovalent hydrogen bonding forces between solvated
oxygen and specifically adsorbed hydroxyl species, in which HO; ions are formed. This graph is
taken from ref.126. Copyright 2013, American Chemical Society.
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In fuel cells, the oxygen reduction at the cathode side is referred to as the ORR. Over
the decades, it has been a prominent topic in the field of electrochemistry due to the
high overpotential that is required to drive the reaction, which is analogous to the OER.
The mechanism of the ORR is substantially different from the OER, although similar
reaction intermediates are involved, namely *OOH, *OH, and *O.

Taking commercial Pt/C (Pt on carbon support) in alkaline electrolytes as an example,
the accepted mechanisms are inner- and outer-sphere electron transfers (Figure 2.9).!%
With regard to the inner-sphere electron transfer, oxygen, which is dissolved in the
electrolyte, adsorbs at the active sites of Pt. Then, the four-electron transfer occurs as

follows:

In alkaline media,
Four-electron 0 +H0+*+¢ - *OOH + OH
pathway:
*OOH + H20 + ¢ - *O + H,O + OH"
*O+HxO+e — *OH + OH"

*OH+e —» OH +*

Two-electron O, +HO+*+¢ - *OOH + OH"
pathway: st
*OOH + Hy0 + ¢ —» HOy + HO + * 1" step
HO»y +H0+2¢ — 3 OH 27 step

In the outer-sphere electron transfer, adsorbed OH potentially functions as a bridge site.
As such, in the first step of the two-electron pathway, HO>" is primarily produced from
dissolved oxygen near the Pt-OH sites. This outer-sphere electron transfer explains the
oxidation peak of ring electrodes appearing near 0.8 Vrue in RRDE measurements of
the ORR.!?¢ Similar to alkaline media, the aforementioned four- and two-electron
pathways also both exist in acidic media. The apparent difference is that during the so-
called two-electron pathway, H>O> can be produced, as it is rather stable in acidic
media.'?’ However, it is worth acknowledging that an in-depth understanding of the

ORR mechanism is still not achieved.
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As stated in Section 2.4.2.2, similar poor stability of the electrodes and so-called
‘scaling relations’ also severely hinder the improvement of the ORR electrocatalysts.
Although Pt/C is the state-of-the-art material used in commercial fuel cells for the ORR,
Pt is rare and expensive, and the achieved activity in industrial applications rarely
coincides with (scientific) experimental results.!?$1%% Moreover, the long-term cycling
stability of Pt/C is quite limited. For instance, after 30,000 cycles, the ORR activity of
Pt/C was reported to decrease dramatically.’®® The Pt-based electrode undergoes
several degradation mechanisms, such as platinum dissolution, Ostwald ripening,
coalescence, particle detachment, and carbon corrosion, and consequently loses

activity.131’132’133
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3.1 Experimental set-ups

3.1.1 Electrochemical cells

In this thesis, three types of electrochemical cells were used: one cell for single crystal
electrochemistry, one cell for electrochemical experiments using polycrystalline
electrode materials and a U-shaped cell for water electrolysis. The first two cells utilised
the three-electrode configuration; the U-shaped cell adopted the two-electrode

measurement scheme.

The cell for single crystal -electrochemistry experiments consisted of the
preconditioning compartment and the main compartment (compartment (1) and (2) in
Figure 3.1A). The preconditioning compartment was used to prepare the electrolytes
used in the main cell, e.g. to saturate the electrolyte with the targeted inert or
electroactive gas. As shown in the cell schematic (Figure 3.1A), the working electrode
is placed vertically by a moveable shaft and works using so-called hanging meniscus
configuration. To maintain the sealing of the cell, a Thermogreen LB-1 (Supelco,
Munich, Germany) insert was used. Near to the working electrode, a dummy electrode,
a Pt wire (99.99 %, Goodfellow, Germany), was connected in series with the shaft. The
reference and counter electrodes were connected to the cell both through ports, as
shown in Figure 3.1. In the central cell, an additional compartment made for bubbling
the electrolyte is connected by an independent gas inlet and outlet. Its principal function
1s to maintain saturation of the electrolyte with the gas required during the reactions,
e.g., for the HER and ORR. A protective inner glass wall was integrated into the
compartment to reduce the interference of the constant gas flow on the electrolyte.
When the cell is in use, the working atmosphere is controlled by continuous gas flushing,
i.e., Ar-CO, Oa, Ar, or H; gas. Electrochemical measurements were carried out by a
VSP-300 potentiostat (Bio-Logic, France). In this thesis, the cell was mainly used to
prepare and characterise Pt(111), Pt(221), Pt(331), Pt(775), Pt(12 10 5), Ir(111), and
Au(111) single crystals and to evaluate their HER and ORR activities.
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Figure 3.1. Electrochemical cell used for single crystal electrochemistry experiments. (A)
Schematic and (B) photograph of the cell, which can be devided into (1) a preconditioning
compartment and (2) a central compartment. RDE, WE, RE and CE labels correspond to
rotating disk electrode, working electrode, reference electrode, and counter electrode,
respectively. This cell was used for the preparation and characterisation of Pt(111), Pt(221),
Pt(331), Pt(775), Pt(12 10 5), Ir(111), and Au(111) single crystals and the related activity
measurements.

The cell for electrochemical experiments with polycrystalline electrodes consisted of a
single compartment (Figure 3.2). The working electrode was a traditional RDE, which
was operated using the hanging meniscus configuration. The reference and counter
electrodes were also connected to the cell through the ports. The cell contained a gas

inlet to saturate the electrolyte with the gas, i.e. Oz or Ar. Moreover, compared with the
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cell for single crystal electrochemistry, the temperature of electrolyte could be

controlled by a thermostat, as shown in Figure 3.2.

Hot water

‘ [ : y‘-“ﬁ‘ '%

electrolyte

Figure 3.2. Electrochemical cell for the experiments with polycrystalline electrodes. (A) A
schematic and (B) photo of the cell. WE, RE, and CE are working, reference, and counter
electrodes, respectively. Arrows show the flow directions of hot water and gas. The electrolyte
temperature in the cell can be regulated. This cell was mainly used for the deposition of metal
oxide thin-films, the preparation of polycrystalline Pt, and corresponding activity measurements.

The U-shaped cell was made from a commercial U-shaped tube (Figure 3.3) and two
electrode holders with gas outlets added.

Before each measurement, a so-called piranha solution, prepared by mixing H20O2 and
H>S04 (both Suprapur, Merck, Germany) with a volume rate of 1:3, was used to clean
all glassware thoroughly. After rinsing with ultra-pure water several times, the cells
were treated with boiling water (Evoqua, Germany) at least ten times, and the other
glassware was kept in boiling water for 5 hours to remove any adsorbed ions on the

glassware.

As a reference electrode, a commercial MMS electrode (SI Analytics, Germany) was
used, which was connected to the electrolyte through ionically conducting glass. As a
counter electrode, a Pt wire (99.99 %, Goodfellow, Germany) was used. All potentials

shown in this work are referred to the RHE scale.
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o .
Gas TrEas
Cathode Anode

Figure 3.3. Photograph of the U-shaped tube for water electrolysis. Arrows show the gas flow
directions. The produced gases are collected through the gas outlets. The picture is adapted from
ref.134.

3.1.2 Single crystal electrochemistry
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Figure 3.4. A typical CV of Pt(111) electrodes in Ar-saturated 0.1 M HCIO4. The CV has a
‘butterfly’ shape, with three different electrochemical regions: hydrogen adsorption/desorption
(Hadsrces) region, double layer region, and hydroxyl adsorption/desorption (OHads/des) region.

Both bead-type (99.99%, 0.049 cm?, Icryst, Jiilich Germany) and disk-type (99.99%,
0.196 cm?, Mateck, Germany) Pt(111) crystals were used in this work. The single
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crystals were flame-annealed in an isobutene flame, followed by cooling in a mixture
of 1000 ppm CO (4.7, Air Liquide, Germany) and Ar (5.0, Air Liquide, Germany). In
case impurities could be detected, an additional CV cleaning was needed prior to the
annealing. The surface quality was evaluated by CV experiments in Ar-saturated 0.1 M
HCIO4 (Suprapur, Merck Germany). The CV measurements of Pt(111) were conducted
in a potential range from 0.05 to 0.9 Vrue. The CV shape was compared with those

published in the literature to ensure the surface quality.

Figure 3.4 shows a typical CV of the well-defined Pt(111) surface, measured in Ar-
saturated 0.1 M HCIlO4. The CV shows a typical ‘butterfly’ shape, consisting of three
different regions: in the potential range from approximately 0.05 to 0.4 Vrug, it is a
hydrogen adsorption/desorption (Hads/ides) region; in the range from approximately 0.4
to 0.6 VRug, it is usually referred to as a double layer region; in the range from

approximately 0.6 to 0.9 Vrug, it is a hydroxyl adsorption/desorption (OHads/des) region.

The stepped single crystals used in this research, i.e., Pt(221) (99.99%, 0.031 cm?,
obtained from Prof. J. Feliu), Pt(331) (99.99%, 0.038 cm?, obtained from Prof. J. Feliu),
Pt(775) (99.99%, 0.036 cm?, obtained from Prof. J. Feliu), and Pt(12 10 5) (99.99%,
0.049 cm?, Icryst, Jiillich Germany) were all bead-type crystals. The preparation
procedures were similar to that for the Pt(111) electrodes. Firstly, the stepped single
crystals were flame-annealed in an isobutene flame; then, they were cooled in a mixture
of 1000 ppm CO and Ar; finally, CV characterisation in Ar-saturated 0.1 M HC1O4 was
performed to ensure the surface quality. The corresponding CVs are shown in Figure
3.5. The CVs also consist of the three regions: Hads/des, double layer region, OHads/des,
but the shapes of the CVs obviously differ from each other because they are indicative

and sensitive to the crystal surface structure.

The bead-type Au(111) crystal used in this work was purchased from Icryst (Jiilich
Germany), with a surface area ~0.049 cm?, orientation better than 0.1°, and surface
roughness of ca. 30 nm. Before each measurement, the crystals were initially cleaned
using the CV method in the potential range from 0.6 to 1.8 Vrug for several cycles.
After cleaning with pure water several times, the crystal was flame-annealed in an
isobutene flame until the crystal became red. Then analogously to the preparation of
single Pt crystals, the crystal was cooled down in an Ar-CO mixture, and the following
CV characterisation was performed. Figure 3.6 shows the measured CV in 0.1 M
HCIlOs. The peaks at approximately 1.35 and 1.55 Vrue in the anodic scan are normally
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associated with OH-adsorption and oxidation of the surface, while the peaks at
approximately 1.15, 1.05, and 0.98 VruE appearing in the cathodic scan are related to

the reduction of the oxidised surface.
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Figure 3.5. Typical CVs of Pt(hkl) single crystals in Ar-saturated 0.1 M HCIOa. Similar to the
CV of Pt(111), the CVs of stepped single crystals consist of three different regions, namely the
Hadsiges, the double layer region and the OHagsiges. HOwever, the respective CV shapes are
obviously different from each other, as the shape is indicative and sensitive to the electrode

surface structures.

For both Pt and Au single crystals, the surface was cleaned and the atoms at the surface
were (re)ordered during the annealing; the followed cooling down in the Ar-CO
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atmosphere forms a CO monolayer that protects the (re)ordered surface. During the first
cycle of CV measurements, the CO monolayer adsorbed on the surface is oxidised

according to the following reaction:

*CO+H,0 > *+CO,+2H" +2¢

Since this reaction is sensitive to the surface structure and status, this method was
adapted to measure the surface area of Pt crystals. Removal of the CO protective layer

creates a clean and well-ordered surface.

01 Ar saturated 0.1 M HCIO,

j/ mA cm?

Au(111)
_03 n 1 . 1 5 1 5
0.4 0.8 1.2 1.6
Evs.RHE/V

Figure 3.6. A typical CV of Au(11l) electrodes in Ar-saturated 0.1 M HCIO.. The
anodic/cathodic pairs of peaks are associated with the hydroxyl adsorption/desorption.

The preparation of Cu(111) and Cu(100) single crystals was performed in Prof. Kunze-
Liebhéuser’s group (University of Innsbruck). Physical polishing was performed first.
The Cu crystals were successively polished with diamond pastes (ESCIL) of grades 1,
0.5, and 0.25 um. After a smooth surface was obtained, electrochemical polishing was
performed. Under a cell potential of 1.8 V versus a copper counter electrode, the crystals
were electropolished in 60% H3PO4 (85% EMSURE, Merck) solutions for ~5 min.
Finally, the well-polished crystals were moved into a tube furnace and annealed in an
H: reductive atmosphere for at least 12 hours. Prior to electrochemical measurements,

the crystals were constantly protected by the reductive atmosphere.
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The Ir(111) single crystal (Mateck, Jiilich, Germany) used was of disk-type one with a
surface area of 0.196 cm?, oriented better than 0.1° and with surface roughness less than
30 nm. The surface preparation was performed as the following procedure: the single
crystal was firstly annealed in a mixture of 10% H> and Ar (both 5.0, Air Liquide,
Germany) at around 1200 °C for 10 minutes; then it was cooled down and stored in the
same atmosphere until the electrochemical experiments needed. The surface quality

was ensured by its characteristic CV in Ar-saturated 0.1 M HCI1Oa.

3.1.3 Electrochemical experiments using polycrystalline materials

In industrial production and commercial fuel cell applications, typically a Pt powder
mixed with a conductive agent (usually carbon) and an H-conducting polymer (Nafion)

is used."”

0.05 o  Ar saturated 0.1 M HCIO,

_iik;\
0.00 *————j::::j

j/ mA cm™

-0.05 H.os Double layer OH,4

0.10 , ~ Polycrystalline Pt
00 0.4 o5
E vs. RHE /V

Figure 3.7. Typical CV of a polycrystalline Pt electrode in Ar-saturated 0.1 M HCIO4. The CV
includes the three regions: Hadsdes, double layer, and OHags/des.

Polycrystalline materials often resemble the behaviour of nanostructured
electrocatalysts. In this work, polycrystalline Pt (99.99%, 0.196 cm?, Pine, USA) and
Ag(99.99%, 0.136 cm?) electrodes were used. The surface-preparation procedures were
similar for both of them, primarily using the CV cleaning method. Accordingly, the
polycrystalline electrodes were cycled in 0.1 M HCIO4 within a potential range from 0
to 1.7 VruEe for dozens of cycles; then the electrolyte was replaced. After repeating the
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previous process three times, the surface quality was checked by a CV characterisation
in the potential range from the one close to 0 to 1 Vrue. As shown in Figure 3.7 for Pt,
the CV, similar to that of single crystalline one, included the three regions: Hads/des,
double layer, and OHags/des, but differs totally in shape. Especially in the region of Hads/des,
two pairs of peaks were observed at approximately 0.2 and 0.1 Vrug, responding to the
hydrogen adsorption/desorption on (110) and (100) steps, respectively. Additional
physical polishing was performed in the case of the polycrystalline Ag electrodes prior
to the CV cleaning procedure because of the existence of thin oxidation layers on its
surface. Moreover, during the electrolyte replacement, the Ag crystal was always kept

under potential control to prevent its surface from oxidation.

3.1.4 Electrochemical deposition of oxide electrocatalysts

Before each electrochemical deposition, the substrate, a glassy carbon electrode (0.196
cm?, Pine, USA), was carefully cleaned. Firstly, the electrode was mechanically
polished using Al,O3 pastes with grades of 1, 0.3, and 0.05 pm. After complete physical
cleaning, the electrode was treated in 0.1 M H2SO4 using CV scans in the potential
range from -1 to 1 Vrue until a reproducible voltammogram was obtained. The surface
quality was then characterised by CV in 1 mM K3Fe(CN)s (ACS reagent 99%, Sigma-
Aldrich, Germany) and 0.2 M KNO3 mixture electrolytes in a potential range from -0.1
to 0.6 VRHE.

For the deposition of CoOx films, a solution composed of 0.1 M CoSO4 (99%, Merck,
Germany), 0.1 M CH3COONa (99%, Sigma-Aldrich, Germany), and 0.1 M Na>SO4
(99%, Sigma-Aldrich, Germany) was used. The deposition procedure was conducted

using CV scans in the potential range from 1.2 to 1.8 Vrug at 400 rpm.

A similar deposition procedure was also adapted for the preparation of the NiOx films.
Here, a deposition solution consisting of 0.13 M NiSO4 (99%, Merck, Germany),
0.13 M CH3COONa, and 0.1 M NazSO4 and the potential range from 0.2 to 1.9 Vrue

were used.

The preparation of NiFeOx films was performed using a cathodic deposition. The
deposition solution in this case was a mixture of 0.13 M NiSOy4, 0.13 M FeSO4(99%,
Merck, Germany), 0.13 M CH3COONa, and 0.1 M NaxSO4. The deposition was
performed using a chronopotentiometry method at -50 mA c¢cm for 30s with the RDE
configuration at a speed of 1200 rpm.
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3.1.5 Rotating disk and rotating ring disk electrode experiments

A rotating disk electrode is a high-speed rotating electrode used by researchers to

control the mass transport of electroactive species to the electrode surface.

A B

~ ~
. ©

Figure 3.8. Photographs of (A) RDE and (B) RRDE used in this research. The RDE shown here
is a glassy carbon disk electrode, while for the RRDE, both the disk and the ring electrode are
Pt.

Rotating the electrode in the electrolyte ensures that the analyte quickly reaches the
electrode surface along the rotary axis and is then rapidly pulled out along the radial
direction of the electrode. The fluid at the surface thus continuously refresh, which
reduces mass transfer influence. This idea was proposed by Levich in 1952 and
realised by Bruckenstein!®. Nowadays, the electrode is usually a disk of conductive
material encapsulated into Teflon (Figure 3.8A), and its rotating speed is controlled by

a rotary engine.

To further investigate the reaction mechanism and reaction intermediates, an
independent ring electrode can be added around the disk electrode separated with
insulating material (Figure 3.8B). This electrode is known as an RRDE. During a
reaction on the disk electrode, more details about the reaction can be collected by
simultaneous monitoring of the ring electrode. Two kinds of experiments regularly
require RRDE.

One is so-called collection-detection experiment that uses the ring to determine the
species generated at the disk. For example, when the reduction potential of H>O for Pt,
namely a constant potential of 1.3 Vrug, 1s applied at the ring electrode, whether or not
H>0: is produced during OER on the disk electrode can be determined by whether a

corresponding reduction current can be detected at the ring (Figure 3.9A). When the
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constant potential is changed to the reduction potential of O> for Pt, around 0.7 VrHE,
the onset potential of OER on the disk electrode can be accurately obtained by

observing the current on the ring (Figure 3.9B).
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Figure 3.9. RRDE measurements used in OER experiments. (A) Currents at NiOxdisk and Pt ring
electrodes in the presence of 0.4 M n-butylammonium sulfate. Scan rate for the disk was 50 mV
st and rotating speed 400 rpm. Eiing = 1.3 Vree (constant). Reprinted with permission from
ref.137. Copyright 2017, Wiley. (B) NiFe-based hydroxide disk and Pt ring electrodes measured

in 0.1 M KOH. Scan rate for both electrodes was 10 mV s and rotating speed 400 rpm. Ering =
0.7 VrHE (constant).

The second kind of experiments is shielding experiments. In such experiments, two
consecutive measurements are usually involved. Firstly only the ring is polarised, while
the corresponding current is recorded. Then, both the ring and disk are polarised. In this
case, the flow of reactive species to the ring is perturbed by the disk reaction. Thus, the
shielding can be recorded based on the contest between the electrodes. These
experiments are necessary for the exploration of reaction mechanisms, e.g. of the ORR.

Therefore, the application of RRDE allows a simple in-sifu investigation of

electrochemical reactions.

3.2 Electrochemical techniques
3.2.1 Cyclic voltammetry
Cyclic voltammogram, CV, is one of the most widely used techniques to acquire

quantitative information about electrochemical reactions. In this method, a triangular

potential waveform is applied to the electrode one or several times, and the current-

potential curves are recorded.
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A typical cyclic voltammogram is a plot showing the dependence of the measured
current on the applied potential. The CV method has been widely used in the
investigation of adsorption processes, heterogeneous electron transfer reactions and
redox processes. It can provide information about the properties and mechanisms of
electrochemical reactions and kinetic parameters of these reactions. It can be employed
to determine reactant concentration, coverages of adsorbates on the electrode surface,
the electrochemically active surface area of the electrode and several kinetic parameters
such as electrode reaction rate constant, exchange current density and reaction transfer

coefficient. Its application can be divided into two main types, as described below:

1. Reaction reversibility. The height and symmetry of the oxidation and
reduction waves of the obtained CV can often be used to judge about the
reaction reversibility.

2. Reaction mechanism. Information about -electrochemical adsorption
phenomena, electrochemical reactions and electrochemical-chemical
coupling reactions can be obtained from CV. It is useful for studying the redox
mechanism of organic compounds, organometallic compounds and biological

materials.

3.2.2 Chronoamperometry and chronopotentiometry

Chronoamperometry (CA) is a basic controlled-potential technique, in which a constant
potential is applied, and the response current is then recorded over time. The obtained
current-time curve reflects the change in the concentration gradient in the vicinity of
the electrode surface. The number of electroactive species involved in the reactions can
be also monitored and the diffusion coefficient of electroactive species can be
calculated. Several potential steps are often used to polarise the electrode; the double
potential-step CA is widely used in this case. In the first step, the potential is applied to
start the reaction. After a short period of electrolysis, it jumps back to the original
potential or another potential, where the reaction product or intermediate is probably
transformed back into its original state. Accordingly, the associated kinetic reaction
process is better observed using the CA curve as compared with that of CV. The reaction
rate constant can be determined according to the Cottrell equation. Compared with the

CV technique, CA has its own unique advantages:

1. Higher sensitivity. For example, the peak current obtained from this
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method is in many cases much higher than that obtained by the CV
method.
Much quicker. CA is more suitable for rapid detection.

3. A simple hardware structure of the required instrument.

Chronopotentiometry (CP) is a basic controlled-current technique, in which a constant
current is applied, and the response potential is then recorded as a function of time. This
technique is similar to that of CA. However, the applied potential step is replaced by

the current step.

In this research, CA and CP are mainly used for electrochemical deposition, such as

NiFe hydroxide preparation.

3.2.3 Electrochemical impedance spectroscopy
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Figure 3.10. (A) A typical EIS spectrum and fitting results. This spectrum was measured within
an AC-frequency range from 1 Hz to 30 kHz by immersing a Cu(111) electrode in 0.05 M NaClO4
at pH = 6. The fitted spectrum was obtained using EIS Data Analysis 1.3 software. (B) Equivalent
electric circuit used for fitting the EIS spectrum. R,, Z;, R,, and C, represent the
uncompensated resistance, the double layer impedance, an adsorption resistance, and an
adsorption capacitance, respectively.

Electrochemical impedance spectroscopy is a technique, which is based on the
excitation of an electrochemical system by a sinusoidal signal. This technique is very
useful for both the evaluation of the heterogeneous charge transfer parameters and the

investigation of the double layer structure.

In EIS, a sinusoidal perturbation around a constant current (or potential) is applied to

the electrochemical system as shown in Equation (3.1), but the amplitude of the
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perturbation is small enough to assume a linear behaviour of the system.
Iyg =1+ i,sin(2rft) 3.1

where I, is the applied alternating current signal, i, is the current amplitude, f is
the frequency of the applied probing signal and ¢ is time. The potential (or current)
responses of the system subjected to the perturbations in the steady-state can be

observed:
Ewg = E + V,sin(2rnft + ®) (3.2)

where Ey is the potential measured at time ¢, V, is the potential amplitude, @ is a
phase angle between the two phasors (the potential and the current). The obtained
response follows at the same frequency, but at a different phase (Equation (3.2)). The
measured ratio of the perturbing signal and the response is the impedance of the system.
The corresponding value depends on the sine wave frequency, f. Effectively, the phase
angle, ®, varies with the probing signal frequency, f . At different angular

frequencies, w (w = 27f), the overall system impedance, Zr,;(w), can be written as:
Zroi(@) = Zpe(w) + iZ 1 (w) (3.3)

where Zg.(w) is the real component of the impedance and Z,(w) is the
corresponding imaginary component. Using an equivalent circuit to analyse the EIS
data can give a lot of information about the system, such as reaction parameters,
interfacial capacitance and mass transport parameters. In EIS, plots of —Z;,,,(w) as a
function of the real component, Zg, (w), are very often used as shown in Figure 3.10A.
Equivalent circuits can comprise different elements such as resistors (R), capacitors (C)
inductors (L) and specific electrochemical elements, which are connected in series
and/or parallel. The actual equivalent circuit and the value of each element of it can be
verified by fitting of the EIS data. Accordingly, based on the electrochemical meaning
of these elements, the pysico-chemical properties of the electrochemical system can be
analysed. Taking an example of the EIS experiment to determine the electric double
layer capacitance in Chapter 7, the equivalent electric circuit used for these simulations
is given in Figure 3.10B, in which R,, represents the uncompensated resistance, Z;; -
the double layer impedance, R, - the additional adsorption resistance and C, - the

adsorption capacitance. In the circuit, R, and Z; connected in series are used to
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simulate the response of the region from the bulk electrolyte to the interface between

the electrode and the electrolyte. Additional R, and C, connected in series and

parallel to the Z,; account for the impedance response originating from e.g. possible

specifically adsorbed species at some electrode potentials. The spectrum obtained from

the simulation is well-matched with that obtained directly from EIS measurements, as

shown in Figure 3.10A, and the corresponding values of circuit parameters are

provided in Table 3.1. It can be seen that relatively high accuracy as well as excellent

modelling of the system's physical properties can be obtained with EIS.

Table 3.1. The value of circuit parameters obtained from fitted results in Figure 3.10

Parameters Results Units
Ry 373.79 Q
Ra 1.6184E05 Q
Ca 2.0644E-05 F
Preexponential factor 5.9612E-06 Fsn-1
Exponent (n) 0.94918

It should not be overlooked that certain conditions are required:

1.

Causality. The output response signal is only caused by the applied
perturbation signal.

Linearity. There should be a linear relationship between the output
response signal and the applied perturbation. Although a nonlinear
relationship determined by the kinetic law usually exists in a real
electrochemical system, an approximately linear relationship can be
assumed between the current and the potential when a small-amplitude sine
wave signal is used.

Stability. The perturbation should not cause changes in the properties of the
system. In other words, when the perturbation stops, the system should be
able to return to the original state. A reversible reaction easily satisfies the

stability condition. For an irreversible electrode process, if the system can
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recover to a state not far from the original state after the perturbation stops,

then as an approximation, the stability condition is still assumed.
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evolution reaction

In this chapter, the HER performed in alkaline media was selected as a model reaction
to determine the influence of the alkali metal cations (i.e., Li*, Na®, K, Rb" and Cs")
on the electrocatalytic performance of Pt, Ir, Au and Ag electrodes. Selection of the
HER as the model reaction was based on the following considerations: HER is one of
the most important reactions for sustainable energy provision®""138; it is relatively simple
with regard to its mechanism, as only one type of reaction intermediates is involved®?
(detailed description about the importance of the reaction and its mechanism can be
found in Chapter 1 and 2, respectively). Additionally, the intention of this study was to
ascertain the generally lowered HER activity of Pt in alkaline media compared to the
acidic solutions; and it is known to be closely related to the alkali metal cations present

in the electrolyte.13%140

Based on the volcano plot for the HER (Figure 2.1 in Chapter 2), the electrode materials
with strong hydrogen binding energy relative to the optimum, such as Pt and Ir, as well
as electrodes with weak hydrogen binding energy, such as Au and Ag, were investigated
in alkaline media containing different alkali metal cations to reveal their role in the
hydrogen evolution process. It was observed that HER activity of all investigated
electrode materials is not only determined by the affinity of their surface towards the

hydrogen adsorbates, but also by the hydration energy of alkali metal cations.

The chapter is divided into three parts. In the first section, the HER activities of
electrodes with relatively high hydrogen binding, namely single crystalline Pt(111) and
Ir(111), stepped single crystalline Pt(221), Pt(331) and Pt(775) and polycrystalline Pt
electrodes, are evaluated in both Ar- and H»-saturated alkaline electrolytes, i.e., LiOH,
NaOH, KOH, RbOH, and CsOH. In the second section, the HER activities of single
crystalline Au(111) and polycrystalline Ag electrodes, exhibiting relatively weak
hydrogen binding, are investigated under the same experimental conditions. In the third
section, the data are compared to deduce the influence of alkali metal cations on the
HER through the correlation of the positions of these electrode materials in the HER

volcano plot with their specific HER activities in different alkaline media and the
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hydration energy of the alkali metal cations.

Parts of this chapter were published in the article ‘Influence of alkali metal cations on
the hydrogen evolution reaction activity of Pt, I, Au and Ag electrodes in alkaline

electrolytes’ in ChemElectroChem 5 (2018) 2326

4.1 Hydrogen evolution reaction activities of monocrystalline and
polycrystalline Pt and Ir electrodes in alkaline media

The HER activities of electrode surfaces exhibiting strong hydrogen binding are
presented in this section. Before each measurement, the electrodes were all prepared by
the respective procedure introduced in Chapter 3. Besides, there was no iR-correction

for all measurements in this section to avoid introducing uncertainty factors.

4.1.1 Monocrystalline and polycrystalline Pt electrodes
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Figure 4.1. Comparison of the HER activities of (A) Pt(221) and Pt(pc), (B) Pt(331) and Pt(775)
electrodes at -0.03 Vrug, recorded in Ar-saturated 0.1 M MeOH-type electrolyte (Me* = Li", Na®,

K", Rb", Cs™). The error bars are calculated using at least three different measurements.

In Figure 4.1, the HER activities of stepped single crystalline Pt(221), Pt(331), Pt(775)
and polycrystalline Pt (Pt(pc)) electrodes are summarised. The crystals were measured
in Ar-saturated 0.1 M MeOH electrolytes (Me™ = Li", Na*, K", Rb*, and Cs"). In order
to exclude the influence of mass transfer, the current densities were compared at a
relatively small overpotentials corresponding to the electrode potential of -0.03 V

versus RHE scale.
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Figure 4.2. Typical HER polarization curves for (A) Pt(111), (B) Pt(221), and (C) Pt(pc)
electrodes, recorded in Hp-saturated 0.1 M MeOH electrolytes (Me* = Li*, Na*, K*, Rb", Cs™").

In the Ar-saturated electrolytes, almost all investigated electrodes follow the decreasing
activity trend Li*> Na" > K" > Rb* > Cs™. For Pt(221), the highest current density was
observed in LiOH, being almost 1.8 mA cm™, followed by NaOH and KOH. The lowest
one was obtained in RbOH and CsOH, with the current densities close to ~0.6 mA c¢cm
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(Figure 4.1A). It can be seen that HER performance can be tuned up to three times by
simply exchanging the alkali metal cation present in the electrolyte. For Pt(pc), the
highest performance was also obtained in LiOH, showing almost 1.4 mA cm, followed
by NaOH, KOH, and RbOH, whereas CsOH resulted in the lowest activity of
approximately 0.7 mA cm™ (Figure 4.1A). One can see that, in the case of Pt(pc),
activity changes were observed in different alkaline media; the factor for activity
change approached to two. For Pt(775) and Pt(331), a similar activity trend was
obtained. The highest activities for both Pt(775) and Pt(331) were recorded in LiOH,
which were approximately three times higher than the ones acquired in CsOH for
Pt(775) and in RbOH for Pt(331) (Figure 4.1B).

Moreover, alkaline HER performance trends appear not only to be closely associated
with the surface structure. As shown in Figure 4.1, in all these electrolytes, Pt(pc)
exhibited the highest activity, apart from one in LiIOH. This observation implies that the
active sites of Pt electrodes for alkaline HER might vary with the type of alkali metal

cation, resulting in a superior activity observed for the Pt(pc).
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Figure 4.3. Comparison of the HER activities of Pt(111), Pt(221) and Pt(pc) electrodes
at -0.05 Vrug, recorded in Ha-saturated 0.1 M MeOH electrolytes (Me* = Li*, Na*, K*, Rb*, Cs™).
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The above-mentioned results demonstrate that the HER performance is closely related
to the nature of alkali metal cations present in the electrolytes. Furthermore, HER
activities were recorded and compared in the Hx-saturated electrolytes. Three typical
model Pt surfaces, namely Pt(111), Pt(221) and Pt(pc), were investigated. Pt(111) was
chosen because of its common use as the simplest model Pt single crystal electrode.
The selection of Pt(221) was based on its exceptionally high acidic HER activity*?.
The corresponding HER polarisation curves and current densities at -0.05 Vrug are

shown in Figures 4.2 and 4.3, respectively.

In the H saturated electrolytes, the same activity trend as in the Ar-saturated ones was
observed for all investigated electrodes in corresponding electrolytes, i.e. Li* > Na* >
K*">Rb" > Cs". As shown in Figure 4.2A, this observed activity trend for the Pt(111)
electrode was consistent over the whole investigated potential range from 0.0 to -0.1
Vrue. For both Pt(221) and Pt(pc) electrodes, the activity trends were also stable over
almost the whole potential range (Figure 4.2B and C). Moreover, in the bar chart
comparing the HER current density at -0.05 Vruk it is clearly visible that regardless of
the surface structure, the activity trend can be observed for all the Pt electrodes (Figure
4.3). Furthermore, the current densities obtained in LiOH were almost four times higher

than the ones recorded in the CsOH electrolytes for all the studied Pt surfaces.

These observations indicate that the alkali metal cations strongly influence the HER
performance of Pt electrodes, irrespective of their surface structure. As noted
beforehand, the activity can be tuned up to a factor of four by exchanging the alkali
metal cation species. The observed activity trend always follows the sequence: Li* >
Na">K">Rb">Cs".

4.1.2 Single-crystalline Ir(111) electrodes

In order to verify if the observed HER activity dependence in the alkali metal cation
electrolytes, i.e. Li" > Na" > K" > Rb" > Cs", holds true for other catalysts, the activity
of single crystalline Ir(111) electrodes was additionally measured in the same
electrolyte solutions, namely Ar- and Hz-saturated 0.1 M MeOH (Me™ = Li*, Na*, K",
Rb" and Cs"). The corresponding data recorded under Ar- and H-saturation are

depicted in Figures 4.4 and 4.5, respectively.
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Figure 4.4. Comparison of the HER activities of Ir(111) electrodes at the electrode potential of
-0.03 Vrug, recorded in Ar-saturated 0.1 M MeOH electrolytes (Me* = Li*, Na*, K*, Rb*, Cs™).

Indeed, similar activity trend was obtained for the Ir(111) electrodes under both
conditions. As shown in Figures 4.4 and 4.5A, in those cases the highest HER current
densities were obtained in the LiOH electrolytes followed by NaOH and KOH ones,
while the lowest current densities were observed in the RbOH and CsOH solutions.
Moreover, the HER current densities measured in LiOH electrolytes were
approximately three times higher than those obtained in RbOH or CsOH solutions.
Besides, the corresponding HER polarization curves in Figure 4.5B demonstrate that
this activity trend remained in the whole investigated potential range from 0 to
-0.05 VRHE.
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Figure 4.5. Comparison of (A) HER activities at -0.05 Vg and (B) typical HER polarization
curves for the Ir(111) electrodes recorded in H-saturated 0.1 M MeOH electrolytes (Me " = Li*,
Na*, K*, Rb*, Cs").
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4. Influence of the alkali metal cations on the hydrogen evolution reaction

In summary, the results shown above imply that the HER activity of materials with
stronger hydrogen binding is significantly affected by alkali metal cations present in the
electrolyte. Depending on the material used, the performance can be tuned up to a factor
of four by exchanging the alkali metal cation species in the electrolyte. The activity

trend observed always follows the order: Li*>Na"> K" >Rb" > Cs".

4.2 Activities of monocrystalline and polycrystalline Au and Ag
electrodes towards hydrogen evolution in alkaline media

In this section, the HER activities of crystals with weak surface-hydrogen binding
interactions were investigated. Prior to each measurement, the crystals were prepared
according to the preparation procedure described in the experimental section (Chapter

3). The measurements shown here are all displayed without iR drop correction.

4.2.1 Single crystalline Au(111) electrodes
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Figure 4.6. Comparison of the HER activities of the Au(111) electrodes at -0.65 Vrug, recorded
in Ar-saturated 0.1 M MeOH electrolytes (Me* = Li*, Na*, K*, Rb", Cs™).
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Single crystalline Au(111) electrodes were characterised in the Ar-saturated 0.1 M
MeOH (Me"=Li",Na*, K',Rb", and Cs") electrolytes. As pure Au is not a good catalyst
for the HER, the current densities were compared at a high overpotential of 0.65 V, at
which notable HER polarisation currents were observed. The corresponding results are
shown in the bar chart of Figure 4.6.
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4. Influence of the alkali metal cations on the hydrogen evolution reaction

The obtained activity trend is surprisingly reversed compared to that observed for the
Pt and Ir electrodes, i.e., in the order Cs" > Rb" > K" > Na" > Li". At an overpotential
0t 0.65 V., the highest current density was observed in the CsOH containing electrolytes,
being almost 3.8 mA cm?, followed by those in RbOH, KOH, and NaOH, whereas the
lowest was observed in LiOH, being approximately 1.5 mA cm™ (Figure 4.6). Hereby,
the HER current density observed in CsOH was about two times higher than the one
observed in LiOH.
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Figure 4.7. (A) Typical HER polarization curves and (B) comparison of the HER activities at
-0.65 Vrue for the Au(111) electrodes, recorded in Hp-saturated 0.1 M MeOH electrolytes (Me™
=Li*, Na*, K, Rb", Cs").

HER activities of Au(111) in different alkaline media were also measured under H»
atmosphere. Figure 4.7A shows the polarization curves for Au(111) in H»-saturated
MeOH (Me" =Li",Na", K', Rb", and Cs") electrolytes. The lowest HER onset potential
was obtained in CsOH, followed by RbOH, KOH, and NaOH, whereas the highest one
was obtained in LiOH containing electrolytes (comparing absolute values obtained
from Figure 4.7A). Moreover, the same trend was observed in the whole investigated
potential range from the HER onset potential to -0.65 Vrue. Figure 4.7B is a bar chart
comparing the HER current densities at the overpotential of ~0.65 V. The current
density obtained in CsOH, almost 10 mA cm™, is more than three times higher than the
one obtained in LiOH, which is approximately 3 mA cm™. Obviously, in H» atmosphere,
the reverse activity trend was observed as well, namely Cs* > Rb" > K" > Na* > Li",
and the HER activity can also be easily tailored up to three times by exchanging the

alkali metal cation species present in the electrolytes.
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4. Influence of the alkali metal cations on the hydrogen evolution reaction

Based on these observations, alkali metal cations strongly influence the HER
performance of Au(111), but their impact appears to be different from that for Pt and Ir

electrodes.

4.2.2 Polycrystalline Ag electrocatalyst
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Figure 4.8. Comparison of the HER activities of Ag(pc) electrodes at -0.65 Vrug, recorded in Ar-
saturated 0.1 M MeOH-type electrolytes (Me* = Li", Na*, K*, Rb*, Cs").

To determine whether this observed reverse activity trend (i.e., Cs*>Rb" > K" > Na">
Li") is also seen for other crystals with weak hydrogen binding, polycrystalline Ag
electrodes were examined under similar conditions. The current densities used were
compared at an overpotential of 0.65 V. The corresponding results are depicted in

Figure 4.8.

Polycrystalline Ag indeed demonstrates an almost identical activity trend as Au. As
shown in Figure 4.8, the highest HER current density was obtained in CsOH, followed
by KOH, RbOH, and NaOH solutions whereas the lowest current density was observed
in LiOH ones. Moreover, the current density obtained in CsOH was about two times

higher than the one observed in the LiOH electrolyte.

These observations suggest that for the materials located on the right side of the volcano
plot, alkali metal cations also play a critical role in their HER performance. The activity
can be tuned up to a factor of three by simply replacing the alkali metal cation in the
solutions. The activity trend always follows an order: Cs* > Rb* > K" > Na"> Li".
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4.3 Discussion and summary

Possible explanations of the observations described in the previous sections can be

deduced from correlating the affinity of the electrode surfaces towards the hydrogen

Influence of the alkali metal cations on the hydrogen evolution reaction

adsorbates with the hydration energy of alkali metal cations.
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Figure 4.9. Logarithmic plot of the current densities as a function of the applied potential for (A)
Pt(111), (B) Pt(221), and (C) Pt(pc) electrodes. The pseudo-exchange current densities were
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estimated by a ‘classical’ approach?, as shown by the dotted line.
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4. Influence of the alkali metal cations on the hydrogen evolution reaction

Herein, the pseudo-exchange current density was used to represent the observed HER
activity. Because of the noticeable Ohmic drop, it is, however, almost impossible to
obtain the ‘true’ exchange current density under current experimental conditions.
Accordingly, the pseudo-exchange current density obtained from Tafel plots is typically
used to approximate the exchange current density. Figure 4.9A-C show the
corresponding Tafel plots for Pt(111), Pt(221), and Pt(pc) electrodes, which were
estimated from their respective HER polarisation curves in Figure 4.2. It can be seen
that similar slopes of the curves can be observed for different alkaline electrolytes at
each electrode potential: these similar slopes reveal that the HER mechanism has not
changed significantly'. Thereby, the obtained pseudo-exchange current density can be

employed for the comparison, see Figure 4.10.
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Figure 4.10. Logarithm of the pseudo-exchange current density of Pt(111), Pt(221) and Pt(pc)

plotted versus the hydration energy of the corresponding alkali metal cations. The logarithm of

the pseudo-exchange current density was taken from Figure 4.9. The dashed lines are added as

guides to eyes.

The hydration energy of alkali metal cations is utilised to estimate their ability to
influence the electrocatalytic performance, as the hydration energy is a crucial
parameter to describe the interactions taking place at the electrode-electrolyte interface,
i.e., the trade-off between the interaction within the solid versus the interactions

1143

between dissolved ions and water molecules of the solvation shell***. Moreover, non-

covalent interactions between these water molecules and the reaction intermediates
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4. Influence of the alkali metal cations on the hydrogen evolution reaction

have increasingly been recognised as an essential factor to determine the

electrocatalytic reaction performance. 144145

Certainly, there is a correlation between the HER activity and the hydration energy of
alkali metal cations. As shown in Figure 4.10, with the decrease of the hydration energy,
the HER activity increases, irrespective of the Pt surface structure. Combined with the
activity trends observed on Ir, Au, and Ag electrodes, it appears that, with the increase
of the hydration energy of the used alkali metal cations, i.e., from Cs" to Li", the HER
activities improve for the crystals with strong hydrogen binding but drop for those with

weak hydrogen-surface interactions (Figure 4.11).
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Figure 4.11. ‘Volcano plot’ ranking the HER activity of different metal surfaces (squares)
according to their theoretical binding energies with respect to the hydrogen reaction
intermediates. Dotted lines are added as guides to eyes. The theoretical hydrogen binding energies

are taken from refs 46,146. Pt, Ir, Au and Ag electrodes used are marked in the plot.

Theoretically, a higher HER activity will be achieved when the hydrogen binding
energy of an electrode is tailored to approach the optimum (Figure 4.11). Specifically,
for Pt and Ir electrodes, as located on the left side of the volcano plot, the HER
performance will be improved if their relatively strong hydrogen binding energies
become weakened; whereas for Ag and Au electrodes located on the right side, it is
reversed. The relatively weak hydrogen binding require strengthening to achieve a
better HER performance. Therefore, correlating the observed different activity trends

between Pt, Ir and Ag, Au electrodes with the hydration energy of alkali metal cations,
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4. Influence of the alkali metal cations on the hydrogen evolution reaction

one can assume that increased hydration energy, namely an enhancing interaction of the
cation with its water shell, presumably results in weakened hydrogen binding energy.
That is, the binding of the HER intermediates depends on the nature of the alkali metal
cation present close to them and weakens systematically from Cs* to Li‘. This
weakened hydrogen binding energy is evidently beneficial for Pt and Ir, yet detrimental
for Au and Ag.

The changed hydrogen binding energy is probably caused by so-called non-covalent
interactions between the water shell of alkali metal cations/water molecules and the
reaction intermediates adsorbed at the catalyst surface. However, it should be noted that
the size of different solvated alkali metal cations, the double layer restructured by those
cations, and the varied potential of maximum entropy should also be considered.#"148
Thus, mechanistic details are still unclear and require further research. Regardless of
the mechanism, however, the results presented in this thesis unambiguously show that
in the case of the HER, the alkali metal cations used in the electrolyte strongly affect

the activity.

In summary, the influence of the alkali metal cations on HER activities was primarily
investigated in this chapter. Based on the location in the volcano plot, the HER activities
of crystals with strong hydrogen binding, including Pt(111), Pt(221), Pt(pc), and Ir(111),
as well as crystals with weak hydrogen binding, Au(111) and Ag(pc), were investigated
in different alkaline electrolytes. For Pt and Ir electrodes, irrespective of their surface
structure, the activities were following the trend: CsOH < RbOH < KOH < NaOH <
LiOH. However, for Au and Ag electrodes, the activity order was reversed: LiOH <
NaOH <KOH <RbOH < CsOH. These results affirm that the HER activity of the metal
electrodes is indeed influenced by alkali metal cations contained in the electrolytes, and
the activity can be tuned up to a factor of four by simply switching between Cs" and
Li" based electrolytes. One can conclude that these observations are caused by the
altered hydrogen binding to the electrode surfaces. Moreover, this altered hydrogen
binding is evidently associated with the alkali metal cation species present close to the
active sites of the electrode. However, mechanistic details about how alkali metal
cations affect these reaction intermediates still need to be elaborated in further

experimental studies.
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5. Influence of the alkali metal cations on the activities

towards the oxygen reduction reaction

The ORR is one of the key electrocatalytic reactions for fuel cells. However, it has
relatively low kinetic efficiency.'*®1® Pt and Pt-group metals are known as good
candidates for the ORR catalysis and have been widely studied and applied in
commercial devices.®>1%2 The activity and selectivity of these metals depend on

several factors, including the electrode surface structure!®3-154.155.1%6.157.158

, surface
composition®*16%161 and the electrolyte composition'47-162163.164.165 The studies on the
electrode surface structure and composition have attracted much attention, and several
feasible methodologies and approaches, i.e., the coordination-activity relations?*> and

166,167 'have been proposed based on the observed trends.

Sabatier-type volcano plots
They work pretty well in predicting the activity and guiding the catalyst design.
However, with regard to the effect of electrolyte composition, there is much less
understanding, especially in the case of alkali metal cations that are present in basic

electrolytes.

A possible explanation for the role of alkali metal cations in ORR is predominantly
based on two concurrent hypotheses. The first one is closely related to the entropy
barriers at the electrified interface or structuring in the electrical double layer!#3168:169,
This hypothesis provides a good explanation of the observed ORR activities at various
pHs. The second hypothesis is that there are non-covalent interactions between active
sites of the electrocatalyst and alkali metal cations present in the electrolyte!*’-1°, For
instance, in the case of Pt(111) in different basic media, Cs* weakens the ORR
intermediate, *OH, resulting in a near-optimum *OH binding energy, and thus the

highest activity is observed in the Cs™ based alkaline electrolytes.

In order to analyse these hypotheses and determine the effect of alkali metal cations on
stepped single crystalline Pt, high-index model surfaces of Pt(221) and Pt(331) were
chosen due to their superior ORR activities in acidic solutions'’t. The influence of the
alkali metal cations was investigated in different alkaline media, i.e. LiOH, NaOH,
KOH, RbOH, and CsOH. It was discovered that for these high-index surfaces, the

observed activities were both systematically lower than those in acidic media, and the
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5. Influence of the alkali metal cations on the activities towards the oxygen reduction reaction

highest ORR activities were obtained in KOH. This is different from the observations
for Pt(111) in alkaline solutions. Through the correlation of the observations for high-
and low-index Pt electrodes with the corresponding theoretical calculations published
recently in the literature, the influence of alkali metal cations on the ORR activity is

discussed.

In this chapter, the electrochemical measurements including CVs and ORR activities in
acidic and various basic electrolytes are introduced in the first section. The influence of
alkali metal cations on the ORR activities is discussed in the second section. The third

section provides a summary of this chapter.

The main results of this chapter were published in the article ‘Oxygen Electroreduction
at High-Index Pt Electrodes in Alkaline Electrolytes: A Decisive Role of the Alkali Metal
Cations’ in ACS Omega 3 (2018) 1532572,

5.1 Electrochemical measurements in acidic and various basic
solutions

CVs and the results of the ORR activity measurements for Pt(111), Pt(221), and Pt(331)
electrodes are introduced in this section. Before each electrochemical measurement, the
used crystals were prepared by flame annealing, the detailed description of which can
be found in Chapter 3. Besides, all the ORR activities have been corrected for the iR

drop so that they can be compared to the literature values.

5.1.1 Cyclic voltammograms of Pt(111), Pt(221), and Pt(331)

CVs of single crystalline Pt(221) and Pt(331) were initially recorded in Ar-saturated 0.1
M HCIO4 and different 0.1 M alkaline MeOH (Me™ = Li*, Na*, K, Rb", and Cs")
electrolytes, as shown in Figure 5.1. The CVs of Pt(111) in Ar-saturated 0.1 M HCIO4
and KOH are also presented for comparison. One can see that as compared to Pt(111),
the stepped surfaces exhibit several distinctive features in their CVs, which are
normally associated with the distribution of adsorption sites and the structure of the

electrode surfaces.!’3174
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Figure 5.1. (A) CVs of the Pt(221) and Pt(331) electrodes recorded in Ar-saturated 0.1 M HCIOa.
The voltammograms for Pt(111) in 0.1 M HCIO4 and KOH are also shown as the references. The
representative single crystal surface structures are presented on the right. Typical CVs of (B)
Pt(221) and (C) Pt(331) electrodes in Ar-saturated 0.1 M alkaline electrolytes, i.e., LiOH, NaOH,

KOH, RbOH, and CsOH. Scan rate: 50 mV s.

Firstly, CVs in the potential range from ~0.1 to ~0.4 Vrug, known for the adsorption
and desorption of hydrogen species, were compared between different electrode

surfaces and between acidic and alkaline solutions. In 0.1 M HCIO4, CV features were
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5. Influence of the alkali metal cations on the activities towards the oxygen reduction reaction

significantly different for these three electrodes (Figure 5.1A). Compared to the rather
smooth shape observed on the CV of Pt(111), additional peaks at around 0.12 Vgrug
appeared for the high-index surfaces, which are owing to hydroxyl species adsorbing
on undercoordinated sites at steps'>*1”>. When changing the electrolyte from acidic to
alkaline, the CV shape of Pt(111) remained the same in the H-region (Figure 5.1A).
However, for the Pt(221) and Pt(331) electrodes, the sharp peaks were shifted toward
~0.25 Vrue (Figure 5.1B and C). These positive peak shifts are considered to be caused
by the presence of the alkali metal cations: the OH-adsorption binding is likely
weakened in this case. Recently, the relevant experimental evidence was presented by

Koper et al.'™

, in which they demonstrated that this observed pH dependence of
hydrogen adsorption originates from the cations. However, there is still a lack of a
conclusive study about the role of these species in these processes in the alkaline
electrolytes, as the relevant studies were mostly done under ultra-high vacuum

conditions®’®.

The so-called double layer region was observed for all investigated surfaces at the
potential range from ~0.4 and ~0.6 Vrug, but the width of this region in alkaline media
was broader than that in the acidic solutions (Figure 5.1). At the potential range
between ~0.6 and ~0.9 Vrug, known for the adsorption and desorption of hydroxyl
species, several significant changes in the voltammograms can be observed (Figure
5.1). In 0.1 M HCIOs4, characteristic peaks of a 'butterfly' shape were observed for
Pt(111), whereas rather broad peaks were observed for Pt(221) and Pt(331). In 0.1 M
alkaline electrolytes, these OH adsorption/desorption peaks all became smoother, yet
the potentials of these peaks were all shifted, and the shape was different in various
alkaline solutions as shown in Figure 5.1B and C. These findings imply that not only
the pH but also the alkali metal cations present in the electrolyte influence the

adsorption properties of these low- and high-index Pt electrode surfaces.
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5.1.2 Oxygen reduction reaction activities of Pt(111), Pt(221), and Pt(331)
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Figure 5.2. (A) iR-corrected RDE-voltammograms of stepped single crystalline Pt(221)
electrodes in Oz-saturated 0.1 M LiOH, NaOH, KOH, RbOH, and CsOH electrolytes (50 mV s,
1600 rpm). (B) Typical anodic branches of the RDE-voltammograms of the Pt(221) electrodes in
O-saturated 0.1 M HCIO4 and KOH, after the iR-correction. The RDE-voltammograms of
Pt(111) electrodes in HCIO4 and CsOH are also shown (taken from ref.147). (C) Model showing
the location of the active catalytic centres at the Pt(221) surface for the ORR in HCIO4 based on
our previous work!t. These active centres have optimal coordination with regard to the
generalised coordination numbers??. Note that the under-coordinated sites at Pt(221) surface are
permanently blocked by oxygen species represented as red spheres. The platinum and hydrogen
atoms are represented by black and blue spheres, respectively.

The pH and electrolyte composition would likely both affect the electrocatalytic
performance since they obviously change the adsorption properties of the Pt surfaces

as indicated by the changes in the voltammograms above. Thus, the ORR activities of
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5. Influence of the alkali metal cations on the activities towards the oxygen reduction reaction

Pt(221) and Pt(331) were also measured in O;-saturated 0.1 M HClO4 and different
MeOH (Me" = Li", Na", K", Rb", and Cs") electrolytes. The corresponding anodic
polarization curves for the Pt(221) are shown in Figure 5.2A and B. In Figure 5.2B,
the polarization curves of Pt(111) in 0.1 M HCIO4 and CsOH recorded under the same
experimental conditions were adapted from the literature for comparison. Moreover,
based on our previous work!”!, a model illustrating the ORR process on the Pt(221)
surface in HCIO4 and its corresponding active catalytic centres are proposed (Figure
5.2C). Besides, the alkaline ORR kinetic current densities of Pt(221) and Pt(331) at the
potential of 0.9 Vrug were summarized in a bar chart for comparison (Figure 5.3), in
which the kinetic current densities of Pt(111) in 0.1 M HCIO4 and KOH, and of Pt(221)
in 0.1 M HCIO4 were also added.

The Pt(221) electrodes exhibited a higher ORR activity than that of Pt(111) in acidic
electrolytes (Figure 5.2B). This is consistent with previous observations in 0.1 M
HCI1O4.'"! This high ORR performance of Pt(221) is attributed to the maximal density
of active sites, which have optimal coordination (in terms of the generalized
coordination number)!’’ and consequently, have optimal binding energies for the ORR
intermediates. As shown in Figure 5.2C, these most active sites were practically those
‘on-top’ sites located near to the concavities at steps. The values of the generalised
coordination numbers and *OH binding energies for the active sites at Pt(111) and
Pt(221) surfaces can be found in Table 5.1.

However, when measured in alkaline media, the activities of both low- and high- index
Pt surfaces were significantly different from those in acidic solutions and evidently
depended on the alkali metal cation present in the electrolyte. With regards to Pt(111),
the activity trend observed in different alkaline media followed the order: LiOH <
NaOH < KOH < RbOH < CsOH and the activity obtained in CsOH was higher than
that in HC1O4 (Figure 5.2B). The reason for this monotonous activity trend given by

Markovic et al.'¥’

was that the hydroxyl-binding to (111) terraces of Pt(111) is weaker
and these OH-species are destabilised by ‘less-solvated” Cs* ions as compared with
other alkali metal ions, which likely leads to a more optimal *OH binding energy
relative to that in acidic solutions. For the high index surfaces, the activities observed
in all alkaline electrolytes, however, are worse than those in acidic solutions (Figures

1164

5.2B and 5.3),. This observation is consistent with the results by Rizo et al.**. Moreover,

as shown in Figure 5.2A and summarised in Figure 5.3, the activity trend in different
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5. Influence of the alkali metal cations on the activities towards the oxygen reduction reaction

alkaline electrolytes was also totally changed compared to that for the Pt(111). For both
Pt(221) and Pt(331) electrodes, the highest activities were observed in KOH, followed
by NaOH and CsOH, whereas the lowest activities were obtained in LiOH for Pt(221)
and in RbOH for Pt(331), respectively. Furthermore, the ORR activities of Pt(221) were
higher than those of Pt(331) in almost all the alkaline electrolytes.
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Figure 5.3. Bar chart summarising the ORR Kkinetic current densities at a potential of 0.9 Vrue
for Pt(331) and Pt(221) electrodes in 0.1 M LiOH, NaOH, KOH, RbOH, and CsOH. The activities
of Pt(221) in 0.1 M HCIO, and of Pt(111) in 0.1 M HCIO4 and 0.1 M KOH are specified by dotted
lines for comparison.

5.2 Influence of the alkali metal cations on the oxygen reduction
reaction activities of low- and high-index Pt electrodes

The observed ORR activities for the low- and high-index Pt electrodes in different
electrolytes raise curiosity about the role of the surface structure and alkali metal cations
in the ORR activity. In other words, why the introduction of stepped atoms is beneficial
for the ORR performance in acidic media but harmful for that in alkaline media, and

why the ORR activity trend obtained in the electrolytes with different alkali metal
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cations is totally changed after the introduction of stepped atoms? This is discussed in

the next sub-chapter.

5.2.1 Influence of the alkali metal cations on the activity of low-index Pt
surfaces
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Figure 5.4. The ORR catalytic centres and OH-adsorption isotherms for the Pt(111) surface. (A)
Schematic representation of catalytic centres at the surface of Pt(111). Black spheres represent Pt
atoms. (B) OH-adsorption isotherms in 0.1 M KOH and HCIO, calculated from the anodic
branches of the voltammograms shown in Figure 5.1A. (C) OH-adsorption isotherms normalised
by the maximal fractional surface coverages. The inset gives the maximal OH-charges calculated
from the CVs.

The *OH-binding to catalytic sites of Pt(111) is supposed to be weakened by the alkali
metal cations present in basic media, which is beneficial for their ORR activity as the
*OH-binding for Pt(111) in acidic solutions is stronger compared to the optimum. There
is only one type of ‘on-top’ sites present at Pt(111) surface (shown as Type 1 in Figure
5.4A). Accordingly, these adsorption sites can be recognised as the probable active

centres for Pt(111). Based on the theoretical calculations'”! summarised in Table 5.1,
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5. Influence of the alkali metal cations on the activities towards the oxygen reduction reaction

the *OH-binding to the catalytic sites at the Pt(111) surface in acidic solutions is almost
0.1 eV stronger than the optimal one (the value of AEpy — AEpy(optimum) for Type 1).
When changing to alkaline media, the alkali metal cation is suggested to weaken the
*OH-surface interaction, which is beneficial for the ORR performance of Pt(111).!%
This weakening is determined by the hydration energy of alkali metal cations, in which
the Cs" ions with the smallest absolute hydration enthalpy result in the least stabilisation,
leading to the highest ORR activity. Thus, the alkaline ORR activity trend observed for
Pt(111) was as follows: LIOH < NaOH < KOH < RbOH < CsOH.

Table 5.1. Parameters characterising adsorption sites indicated in Figures 5.4A and 5.5C in acidic
media.

Adsorption sites Generalised AEoH - AEoH -
(according to Figures coordination number AEoHPt(111) AEoH(optimum)
5.4A and 5.5C) (adsorbed O-species according to refs 22,

and Pt are assumed to 171, and 177
contribute equally,

according to ref.171)

Type 1 7.5 0.00 eV -0.1eVv
Type 2 8.0 0.0925 eV -0.0075 eV
Type 3 9.83 0.43eV 0.33eV
Type 4 7.5 0.00 eV -0.1eV

Another peculiar effect of alkali metal cations is that the amount of OH-adsorbates
obviously increases (Figure 5.4B), as suggested by the OH-adsorption isotherms for
Pt(111) in 0.1 M KOH and HClO4. Their normalisation by the maximum surface
coverages are also shown in Figure 5.4C. The surface coverage of the adsorbed OH-
species was calculated from the area (charge) under the OH-adsorption peaks in the

CVs of Pt(111) in KOH and HCIOq at the potential range from ~0.55 to ~0.85 VruE
2

2

(Figure 5.1A). The maximal surface coverage obtained in KOH, around 180 pC cm™
is almost two times higher than in HC1O4, around 100 puC cm™2. This observation could
be attributed to the alkali metal cations present in the electrolytes which decrease the

repulsive forces between the OH-species. In other words, a densely packed layer of
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*OH on the Pt(111) surface could not be formed due to the repulsive forces between
the same charged adsorbates. However, positively charged metal cations near the
electrode surface are likely able to weaken those repulsive forces and thus increase the
amount of OH-adsorbates. One can assume that all the adsorbed OH will be able to take
part in the ORR as the adsorption of OH species on the Pt(111) surface are all reversible
in alkaline media'’®. Therefore, this increasing amount of OH-adsorbates may also
contribute to the observed higher alkaline ORR activities of Pt(111), i.e. the alkali metal
cations simply also increase the number of available active sites due to non-covalent

interactions.

5.2.2 Influence of the alkali metal cations on the activity of high-index Pt
surfaces

One can see from the last section that the binding energy of *OH is closely associated
with the OH-adsorption peak that can be typically observed in cyclic voltammetry
measurements. Thus, CVs of high-index Pt surfaces in 0.1 M LiOH and KOH were
compared in Figure 5.5A and B. Surprisingly, for both Pt(221) and Pt(331), the
potentials of the OH-adsorption peak were more positive in KOH compared with that
in LiOH. This observation implies that the nature of alkali metal cations indeed has an

effect on the strength of *OH binding to catalytic sites at the high-index surface.

In order to elucidate aforementioned influence of alkali metal cations, structural and
energetic characteristics of the high-index Pt electrodes should be taken into
consideration. With regard to Pt(221), four types of surface sites need to be considered
(Figure 5.5C). It should be noted for ORR that two types of these surface sites are in
principle inactive. The first site is located on the top edges, which are permanently
blocked by oxygen species, and the second site is hindered, which is shown as Type 3
in Figure 5.5C. The existence of these inactive sites, however, is necessary to create
highly active sites, labelled as Type 2 in Figure 5.5C. The last type of surface sites is
comparable to the Type 1 sites of Pt(111) (Figure 5.4A), which are labelled as Type 4
in Figure 5.5C. For the Pt(331), the only difference from Pt(221) is that the width of
the (111) terrace decreases to three atoms, and thus only three types of surface sites are
present at the surface. The missing surface sites are Type 4. The *OH binding energies
and generalised coordination numbers for these sites in acidic media are summarised in

Table 5.1. It can be seen that Type 2 demonstrates the most optimal *OH-binding
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energy which is only approximately 0.0075 eV stronger than the optimal value, and an
almost optimal generalized coordination number. That is the reason why Pt(221) and

Pt(331) both exhibit higher acidic ORR activities than Pt(111).
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Figure 5.5. CVs and ORR catalytic centres of high-index surfaces. CVs of (A) Pt(221) and (B)
Pt(331) electrodes in Ar-saturated 0.1 M LiOH and KOH electrolytes. As indicated by the arrows,
the potential of OH-species adsorption peak shifts towards more positive potentials in the KOH
electrolytes. (C) Schematic representation of ‘on-top” ORR catalytic centres at the surface of
Pt(221) at 0.9 Vrue. (D) Schematic description of how alkali metal cations interact with the steps
and terraces of Pt(221) surfaces. Note that the under-coordinated sites at Pt(221) surface are
permanently blocked by oxygen species, represented as red spheres. Grey, dark blue, and white
spheres represent the platinum atoms, the alkali metal cations near to the surface, and the

hydrogen atoms, respectively.
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In alkaline media, the *OH binding energy of these catalytic sites present at the high-
index surface is likely changed by the non-covalent interactions, similar to what
happened for Type 1 on Pt(111). However, these noncovalent interactions between Type
2 and the alkali metal cations located nearby are significantly detrimental for its ORR
catalytic activity, as these interactions apparently divert its *OH binding energy from
the near-optimal values. This hypothesis explains why the ORR activities of Pt(221)
and Pt(331) are both worse than Pt(111) in alkaline media. Moreover, since the
additional Type 4 present at Pt(221) performs similar to Type 1 in Pt(111), which is
beneficial from the interactions of the alkali metal cations, Pt(221) has better ORR

activity in alkaline media than Pt(331).

Based on the above considerations, the Pt(221) surface was taken as an example to
derive a model describing how the catalytic sites are influenced by the alkali metal
cations (Figure 5.5D). There are two assumptions in this model. One is that the binding
of *OH to the catalytic sites is weakened by the hydrated alkali metal cations through
hydrogen bonds, and the other is that there are no alkali metal cations specifically
adsorbed on the surface, that is, these alkali metal cations close to the electrode surface
keep their integral solvation shell. Correlated with the types of catalytic sites present at
the Pt(221) surface, three possible kinds of interactions between the solvated alkali
metal cations and these active centres are depicted. These interactions generally are

beneficial for Type 4, yet are detrimental for Type 2.

However, quantification of these interactions still seems to be impossible due to the
limited fundamental knowledge and methodology. Therefore, the alkaline ORR activity
trend for these high-index surfaces can only be explained qualitatively. As mentioned
before, these interactions are inversely related to the hydration energy of alkali metal
cations. In other words, the electrolyte containing the Cs™ ions (CsOH) will exhibit the
strongest interactions, as Cs* ions own the smallest absolute hydration enthalpy. With
regard to Type 4, which exhibits a relatively strong *OH binding energy, these
interactions are beneficial to catalyse ORR. The strongest interactions show the best
activity, based on the observed ORR trend in different alkaline media for Pt(111).
However, in terms of Type 2 (site on the Pt(221) and Pt(331)), which exhibits an almost
optimal *OH binding energy (only approximately 0.0075 eV stronger), these
interactions are harmful for their ORR activity, as the binding of *OH likely becomes

too weak. What 1s more, the size of the solvated metal cations should also be taken into
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consideration for these high-index surfaces. For the planar Pt(111) surface, the cations
can interact unimpeded with the entire first water layer, whereas, for stepped surfaces,
the terrace may be shielded by the step edges. That is, for the stepped surfaces, the
interaction between the cations and adsorbed species is not equal for all surface sites,
and especially weakened for those ‘under’ a step. This ‘shielding’ effect then depends
on the size of the solvated metal cations. Therefore, the active sites present at Pt(221)

and Pt(331) surfaces, primarily Type 2, become more ‘unpredictable’ in alkaline media.
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Figure 5.6. (A) Typical kinetic current density for Pt(221) electrodes recorded in 0.1 M KOH +
0.1 M KCIO4 and 0.1 M KOH electrolytes. (B) A bar chart showing the corresponding kinetic
current densities at 0.9 Vrye. Both electrolytes used here were O,-saturated. The 0.1 M KOH +
0.1 M KCIOs electrolyte was prepared by mixing KOH and HCIO, solutions. The error bars are
from five different measurements.

Besides, additional experiments were performed to demonstrate the role of alkali metal
cations on the ORR activities of high-index surfaces. In these separate experiments, the
Pt(221) electrodes in K* containing electrolytes were investigated, as Pt(221) exhibited
the highest ORR activities in KOH compared to in all other alkaline solutions. The
influence of K* concentration on the ORR activity of Pt(221) was studied. For that,
KClO4 solutions were prepared by mixing HCIOs and KOH to increase the K*
concentration without changing the pH. The reason for choosing perchlorate anions is
that they are considered to be inert. The ORR activities of Pt(221) were measured in
Oz-saturated 0.1 M KOH + 0.1 M KClO4under the same experimental condition as that

in KOH. The corresponding polarization curve is indicated in Figure 5.6A, in which
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the polarization curve in 0.1 M KOH is also shown for comparison. The kinetic current
density in the mixed solution was lower than that in the pure KOH solution. A bar chart
of their kinetic current densities at 0.9 Vrug in Figure 5.6B is also used to compare
their activity. One can see at the potential of 0.9 Vrug that the kinetic current density
dropped by almost 15% when increasing the concentration of K* species. Although
effects from the additional perchlorate anions cannot be excluded, this observation
confirms the negative influence of alkali metal cations on the ORR activities of high-

index surfaces.

5.3 Summary

In this chapter, the influence of alkali metal cations on the ORR activities of low- and

high-index Pt surfaces has been discussed.

Firstly, CVs of Pt(111), Pt(221) and Pt(331) were recorded in Ar-saturated acidic
solution, namely HCIO4, and different alkaline electrolytes (LiOH, NaOH, KOH,
RbOH, and CsOH). It was observed that not only pH but also the nature of alkali metal
cations present in the electrolyte affect the voltammetric features of the Pt electrodes,
particularly in the OHags region. These observations imply that alkali metal cations have

a significant influence on the ORR activity.

Then, the ORR activities of Pt(111), Pt(221), and Pt(331) electrodes were measured in
the Oz-saturated HC1O4 and five different alkaline electrolytes. For Pt(111), the activity
became better in alkaline media compared to that in acidic media, and the corresponding
activity trend in different basic media was as follows: LiOH < NaOH < KOH < RbOH
< CsOH. However, for Pt(221) and Pt(331), when the acidic media was substituted with
different basic media, the activities significantly dropped, and the activity trend was
also changed, i.e., KOH > NaOH > CsOH > RbOH = LiOH. These results demonstrate
that the ORR activities for both low- and high-index surfaces depend not only on the

pH but also on the nature of the metal cation present in the electrolyte.

The specific types of active centres present at low-and high-index Pt single crystals are
taken into consideration to explain these observations. For Pt(111), the only type of
active sites is benefiting from interactions with the alkali metal cations. The binding of
reaction intermediates to the active sites is weakened by the alkali metal cations, and

this effect is strictly dependent on the solvation energy for the alkali metal cations. For
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Pt(221) and Pt(331), the alkali metal cations result in the adverse effects due to the
existence of different types of active sites and the shielding effect from the step edges.
While it becomes too complex to quantify the specific influence of each sort of alkali
metal cations, these results confirmed that alkali metal cations play a critical role in the

ORR performance of various Pt surfaces.
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6. The role of n-butylamine in water electrolysis

Due to its low efficiency, the anode reaction generating gaseous O> severely limits the
application of water electrolysis in the production of hydrogen fuels. Although the
equilibrium potential is merely 0 Vrur for HER and 1.23 Vrur for OER, the real onset
potential for the OER is approximately 1.6-1.7 Vrug for the most of the commercial
electrodes.*!"1® That is why OER has been increasingly recognized as the bottleneck
of the electrochemical water splitting. Additionally, O» gas, the product of the OER, is
not used in further applications. Therefore, producing more valuable products instead
of O2 would be highly beneficial in these systems. Several important reactions have
been suggested to have the potential to replace the OER or proceed simultaneously.

Among them are electro-oxidation of some organic compounds, chlorine evolution'’

and production of hydrogen peroxide®®® just to name a few. However, note that these
potential alternative reactions should also have high selectivity and stability to satisfy
the industry requirements.

Recently, introduction of new spectator species into the aqueous electrolyte, namely n-

butylamine, as reported by MacFarlane et al.'®

, can dramatically increase the anodic
activity of Mn-oxide electrodes and result in a very low net overpotential. They found
that anodic hydrogen peroxide production dominated over the OER for certain MnOx-
type electrocatalysts when n-butylammonium sulphate (BAS), one of the ‘ionic liquids’
(ILs), was added into the aqueous electrolytes at pH=10. It was shown that BAS didn’t
participate directly in the anodic oxidation reaction. In fact, there are many kinds of
ionic liquids that have demonstrated their promising prospects in electrochemical
field,181.182.183.184.185 L1 example, superoxide, one of the primary ORR products on
cathodes of Li-air batteries, can slowly convert itself into Li2O2, when using ionic

liquids comprised of group 15-centered cations and anions as electrolytes. 8

Herein, industrially relevant catalysts based on Co-, Ni- and Fe-oxides were tested in
aqueous electrolytes containing n-butylamine. Different pHs of the electrolytes were
also used to find the best water electrolysis system according to the well-known pH
effects in typical aqueous solutions. Significant drops in the anodic overpotential

(relative to the equilibrium potential of the OER) were observed for almost all measured
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catalysts, and the extent of the effect was apparently dependent on the nature of the used
catalysts. A pH effect was indeed observed, and the best performance was found at pH
12. Besides, the presence of BAS also increased the catalyst stability of these systems.
To further clarify the role of BAS, RRDE measurements were performed, and it was
found that some amount of H>O> was indeed produced. With the help of 'H NMR
spectroscopy, however, it was found that the primary reaction occurring at the anodes
was selective oxidation of BAS to n-butyronitrile, a valuable organic chemical, which

is widely used in many industrial synthetic schemes®-187188.189

as well as in dye-
sensitised solar cells!®. The Faradaic efficiency of this oxidation reaction was found to
be as high as 95%. Butyronitrile is only slightly soluble in water and can be easily

separated from the electrolyte.

The chapter is divided into six parts: the first section is a simple introduction to the
function of ILs. In the second section, the electrochemical activities of nickel, cobalt,
and nickel-iron oxy-hydroxide based electrodes (denoted as NiOx, CoOx, and NiFeOx,
respectively) at the presence and absence of BAS are demonstrated. In the third section,
the results related to the pH effect are discussed. The fourth section is mainly about the
stability tests. In the fifth section, the RRDE and 'H NMR results are provided followed

by a summary.

Parts of this chapter were published in the article ‘Reconsidering Water Electrolysis:
Producing Hydrogen at Cathodes Together with Selective Oxidation of n-Butylamine at
Anodes’ in ChemSusChem 10 (2017) 4812-4816".

6.1 The role of ionic liquids

Ionic liquids are salts, which are normally liquids at room temperature. They
demonstrated a great potential in numerous energy applications, as they are able to offer
a range of unique properties in a variety of contexts.'®® A great number of ionic liquids
provide high electrochemical and chemical stability, low flammability/volatility, and
relatively high intrinsic ionic conductivity;!*-1921% These advantages make them good

electrolytes.
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Figure 6.1. Anodic branches of voltammograms for MnOx electrodes recorded in 1 M NaOH,
BAS = 0.4 M di(butylammonium) sulfate at pH=10, and BAS-IL = 2 M di(butylammonium)
sulphate at pH=10, in which MnOx electrodes were prepared by the electrodeposition method
using ethyl ammonium nitrate electrolytes. The performances of MnCat, Co-Pi, IrOx and RuOx
electrodes for the water oxidation reaction in 1 M NaOH are shown for comparison. Graphics is
adapted from ref.180. Copyright 2014, Royal Society of Chemistry.

ILs have exhibited superior properties in various electrochemical technologies,
including advanced batteries, dye sensitised solar cells, supercapacitors, actuators, as
well as in water splitting. In lithium-ion and sodium-ion batteries, cycling stability is
dramatically improved when ILs are employed as electrolytes. 1% For instance,
pyrrolidinium and piperidinium ILs were reported to improve cycling
stabitity. 1919197198 'With regard to solar cells, the application of ILs not only improves
the conversion efficiency 1* but also makes it possible to develop flexible dye
sensitised solar cells on plastic substrates?®. For the application in supercapacitors, cell
voltage can be dramatically increased.?°%?%? In terms of actuators, the applied ILs can

offer significant advantages in the durability and simplicity of actuator structure.?93204

In this chapter, the focus is set on the effect of ILs on water splitting. There are two
distinct aspects of current research concerns. One is that ILs are used in the
electrosynthesis of catalysts for water splitting.?%-2% For example, MnOx layer,
produced by the electrodeposition method, in which ethyl ammonium nitrate ionic

liquids were used as electrolytes, demonstrated an outstanding water oxidation
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performance as compared to normal MnCat (Figure 6.1). The catalytic materials
synthesised in the presence of ILs have fascinating abilities to split water, as ILs can
offer several unique advantages for chemical synthesis, such as a reasonably high
synthesis temperature without changing the pressure vessel. The other aspect is that
(hydrated) ILs are used directly as the electrolytes for water electrolysis.>>?*” As shown
in Figure 6.1, the water oxidation reaction on MnOx was dramatically improved in the

presence of BAS.

In a word, ILs can help in addressing some of the most challenging problems in energy
conversion and storage. However, extensive research is still required. In the following
sections, the role of ILs in water electrolysis will be further determined by taking BAS

as the research object.

6.2 Anodic oxidation reactions at the industrially relevant metal oxide
electrocatalystss

In this section, oxidation reaction at NiOx, CoOx, and NiFeOx anodes, which are
frequently used for industrial applications, was performed in the absence and presence
of BAS. These thin-film metal oxide electrodes were prepared by electrodeposition, as
described in Chapter 3. The BAS-containing electrolytes were prepared by mixing n-
butylamine and acid aqueous sulfate solutions. The pHs of these electrolytes were then
adjusted by adding n-butylamine or sulfuric acid. It should be noted that the addition of
KOH was necessary to achieve pH = 12. An aqueous 0.4 M potassium sulfate solution
without BAS served as the reference electrolyte. This electrolyte was prepared by
diluting potassium sulfate in pure water to reduce interference factors such as anion
influence, and the pH was then adjusted to the desired value by adding KOH. Besides,
the activity curves shown in Figure 6.2 were corrected for the solution resistance in
order to be able to compare with literature, but the current densities, shown in Figure
6.3 for comparing activity between these investigated catalysts, were not corrected for

the iR drop to avoid introducing extra uncertainty factors.

The anodic reaction is dramatically improved in the BAS-containing electrolytes for all
the investigated metal oxide catalysts, as compared to that in reference electrolytes. For
the NiOx electrodes (Figure 6.2A), the onset potential for the anodic currents was ~1.4

VraE in the presence of BAS at pH=10, which is much lower than that measured for the
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K>SO4 electrolyte. With regard to CoOx electrodes (Figure 6.2B), a similar lower onest
potential was observed in the BAS-containing electrolyte, which was around 1.5 Vrge.
Correlated with the results for the MnOx electrodes shown in Figure 6.1, the extent of
the improvement caused by the presence of BAS seems to depend on the nature of the
used electrodes. The highest activity was observed for NiOx, followed by the one

measured for MnOx, whereas the lowest was obtained for CoOx.
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Figure 6.2. Typical cyclic voltammograms of (A) NiOx and (B) CoOx thin-film electrodes in 0.4
M BAS-containing electrolytes (red curves) and in 0.4 M K>SO4 aqueous reference solutions

(black curves). All electrolytes had pH=10, and the potentials were iR corrected.

Therefore, to further determine whether the magnitude of the effect from BAS depends
on the nature of the electrocatalysts, the activity of various catalysts, i.e., PtOx, NiOx,

CoOx, and NiFeOx, was measured in 0.4 M BAS-containing electrolytes and K>SO4
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electrolytes at pH=12.
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Figure 6.3. Comparison of current densities at 1.77 VruE for various metal oxide-type electrodes,
i.e., PtOx, NiOx, CoOx, and NiFeOx, recorded in (A) 0.4 M K,SO4 and (B) 0.4 M BAS-

containing electrolytes. The pH values of both solutions were adjusted to 12. The rotational speed

of RDE was set to 400 rpm. No iR drop compensation was applied.

Figure 6.3A and B are bar charts summarising the average current densities of these
catalysts at a potential of 1.77 Vraur in aqueous K>SO4 and BAS-containing electrolytes,
respectively. In the ‘purely aqueous’ electrolyte, the observed anodic current densities
increased in the order: PtOx < NiOx < CoOx < NiFeOx. However, when BAS-
containing electrolyte was used, the order of the anodic current densities totally changed,
1.e., PtOx < CoOx < NiFeOx < NiOx. Noteworthy, the anodic currents observed on Pt

electrodes can be likely attributed to oxidation of bulk metallic platinum which is
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present below the platinum oxide layer rather than the oxidation of the electrolyte
components. The highest current density was obtained for the NiOx electrode, being
about 9 times as high as the one measured in aqueous K>SOj4 electrolyte. With regard
to the CoOx electrode, the current density also increased in the presence of BAS but
just by a factor of two compared to the one measured in the aqueous K»SOj4 electrolyte.
However, for the NiFeOx electrode, the current density remained unchanged. Thereby,
BAS did not affect the anodic oxidation process at the NiFeOx anode. These
observations confirmed that there is a certain interplay between the properties of the
catalyst and the electrolyte that leads to the variation of the magnitude of the observed
effect.

6.3 The pH effect

The existence of pH-effects has been observed in most electrocatalytic systems, !!>208:209

In the case of non-noble metal oxide catalysts utilized to catalyse the OER, higher pH
values are typically used, as the corresponding OER activities are generally better and
the oxide catalysts are relatively more stable. The alkaline electrolytes used in current
industrial applications have relatively high pHs, usually 30 wt. % KOH solutions.?
Therefore, in order to investigate the pH-effect, different pH values of BAS-containing
electrolytes were measured utilizing the most active thin films (NiOx) as the working
electrodes.

NiOx at pH =10.5; 11; 12; 13

40 - With n-Butylamine

_10_' v/ Without n-ButyIamine‘

1.0 11 1.2 1.3 1.4 15 1.6 1.7 1.8 1.9 2.0 2.1
Evs RHE/V

Figure 6.4. Typical cyclic voltammograms of NiOx thin-film electrodes in pH-corrected 0.4 M

BAS-containing electrolytes at pHs of 10.5, 11, 12 and 13, and in pH-corrected 0.4 M K>SOy

electrolytes at pHs of 12 and 13. Note that the potentials are shown without iR corrections.
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It seems that the anodic oxidation activities indeed depend on the pH of BAS-containing
electrolytes. Figure 6.4 compares the corresponding cyclic voltammograms recorded
in BAS electrolytes with pHs of 10.5, 11, 12, and 13, and aqueous K>SO4 electrolytes
at pHs of 12 and 13. Consistent with previous reports®*!, the OER activities of NiOx
increased in K>SOj4 electrolytes when the pH value was changed from 12 to 13.
However, converse to the observation in typical aqueous electrolytes, one can see that
the activity in the presence of BAS dropped when pH value increased from 12 to 13
and from 10.5 to 11, but only raising pH from 11 to 12 led to a dramatical improvement
in the performance. Thus, the pH dependence of the activities in the presence of BAS
is not trivial, which is in accordance with previous observations?'?. Here, the best
activities obtained in BAS-containing electrolyte were at pH=12. However, it should be
noted that the specific mechanism of this pH dependence still requires extensive

research.

6.4 Stability measurements

As long-term stability is another critical factor determining whether this system can be
used in industrial applications, the stability was investigated using the galvanostatic
mode. In these long-term stability experiments, a two-electrode configuration (Figure
6.5), i.e., NiOx anodes and Pt cathodes, was used for two equivalent cells, one filled
with 0.4 M BAS and the other one with K2SO4 aqueous electrolytes. A constant current
of 40 mA was applied for 48 h. The corresponding results are shown in Figure 6.6.

Cathode:
Pt wires

Anode:
oxyhydroxide-
covered Ni
foams

Figure 6.5. Optical photograph of the two-electrode configuration used for long-term stability
experiment, in which NiOx foams were taken as anodes, Pt wires as cathodes, and BAS or K>SO4

aqueous solutions as electrolytes.
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This new BAS-containing system demonstrates superior stability. After 48 h of running
the experiment, the overall cell voltage remained at the initial value in the case of BAS,
whereas in the case of KoSO4 aqueous electrolyte, the anodes were completely corroded

and the cell voltage dramatically increased after just 20 h.
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0 10 20 30 40
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Figure 6.6. Long-term stability experiments in 0.4 M K,SO4 and 0.4 M BAS-containing
electrolytes at pH=12. A constant current of 40 mA was applied for 48h between the anode (NiOx)
and the cathode (Pt wires). In the cell containing K>SOj4, the NiOx foam corroded within 20 h

entirely, resulting in an increase of measured potential before the measurement stopped.

These results indicate that system stability is much better in the presence of BAS than
in KoSOg4 solutions. This superior stability of this new BAS-containing system can be
partly attributed to a slight BAS-buffering influence. It, however, cannot completely
explain the stabilising eftect, which requires further studies.

6.5 The '"H NMR and rotating ring-disk electrode measurements

To determine the role of BAS in the electrolysis system, 'H NMR and RRDE
measurements were used. "H NMR spectroscopy was performed for a freshly prepared
0.4 M BAS electrolyte as well as for the BAS, which had been utilized for the
electrolysis for 48 h (see Section 6.4). The corresponding results are shown in Figure

6.7.
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Figure 6.7. 'H NMR spectra of the BAS solution at pH=12 before (inset) and after applying an
anodic current of 40 mA for 48 h. The new appearing peaks, marked as red, are consistent well

with those of n-butyronitrile.

It was found that n-butylamine was selectively oxidized into n-butyronitrile, and the
Faradaic efficiency of this reaction is as high as 95%. The inset graph in Figure 6.7
gives the '"H NMR spectrum of fresh BAS solutions. The peak positions and relative
intensities obtained in this spectrum are well consistent with those reported for n-

213

butylamine“. After applying 40 mA for 48 h, several new peaks appeared, as shown

in the spectrum of Figure 6.7. When compared to the literature values, these new peaks

are attributed to the n-butyronitrile?'®

, a valuable chemical used as an electrolyte in solar
cells as well as an intermediate in synthesis of various organic chemicals. Therefore, by
comparing '"H NMR spectra before and after the electrocatalysis, one can see that the
reaction occurring at anodes are exclusively selective oxidation of n-butylamine to
produce n-butyronitrile. Note that this remarkable selectivity and highest activity are
only obtained at pH=12, as it was reported for NiOx anodes that at higher pHs almost
15% of n-butylamine was converted into several other organic compounds that may

complicate the separation process of the products®*,
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Figure 6.8. Results of the RRDE measurements in BAS-containing electrolytes at pH 12. The
disk electrode was NiOx thin-film electrodes, and the ring electrode was Pt. The potential of the
disk was cycled between 1.05 to 1.55 Vrug, whereas the potential of the ring was kept at 1.3 Vrue
to investigate whether there is the oxidation of H,O» occurs at the Pt ring. The scan rate and the

rotational speed for the disk were 50 mV s-!' and 400 rpm, respectively.

To further investigate the processes which occur in the BAS-containing electrolytes, the
RRDE measurements were used to in-situ check if there are oxygen or hydrogen
peroxide produced while running the electrolysis. The RRDE experiments were
performed by cycling the potential of the NiOx disk electrode in the range from 1.05 to
1.55 Vrue while keeping the potential of the Pt ring at 1.3 Vrue. The selected potential
for the disk was the standard potential range used for measuring anodic activities in
Figure 6.2. For the ring electrode, the potential was kept at 1.3 Vrue where only H2O>
oxidation can take place (under the conditions of this experiment), as the onset potential
for the oxidation of n-butylamine on Pt is much higher (as shown for PtOx in Figure

6.3) while for reduction of oxygen it is much lower at around 1 VRre.

It was demonstrated by RRDE measurements that H>O> was also generated during the
anodic oxidation reaction in BAS-containing electrolyte. As shown in Figure 6.8, the
onset current obtained on the ring appeared almost simultaneously with the emergence
of the anodic current on the disk. This observed current on the ring indicates that this
species generated at the disk is electroactive at 1.3 Vrue. Thereby, hydrogen peroxide,

which solely can be oxidized at this potential on Pt, is most likely a side product of the
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6. The role of n-butylamine in water electrolysis

anodic reaction in this case. Moreover, a hysteresis of the disk currents in the anodic
and cathodic scans was also observed, in which the currents at the anodic scan were
much lower than at the cathodic scan (e.g., jaisk = 1 mA cm™ at the anodic scan and jaisk
= 9 mA cm? at the cathodic scan, when Edisk =1.45 Vrug). This hysteresis further
demonstrates that H>O- is also produced during the oxidation reaction of BAS, as the
hydrogen peroxide generated in the anodic scan may decompose during the cathodic
scan, resulting in additional currents. However, note that the onset potential here for
producing H>O», around 1.45 Vrhg, is much lower than the commonly predicted around
1.76 VruEe. One can assume that this dramatically decreasing onset potential might be
attributed to the rather low thermodynamic potential for the formation of H2O2, which
is as low as 1 Vrug, when there is no pre-existing H,O» in the electrolyte.?!® In the case
of BAS-containing electrolyte, H>O; is not stable in alkaline condition, which keeps the
concentration of H>O; near the electrode surface very low. Another possibility causing
this rather low near-surface concentration of H>O> could be that the BAS, organic
matter contained in the electrolyte, helps to stabilise the hydrogen peroxide through the
solvation effects'®. For example, the stabilisation of H>O» by ethylamine molecules has
been certified, in which the hydrogen peroxide-ethylamine complexes are
approximately 24 kJ mol™! more stable than hydrated hydrogen peroxide, which leads
to a negative potential shift for generating H>O> (almost 0.4 V).!3 Combining these
observations with the "H NMR results, one can think that the 5% loss in the Faradaic
efficiency could be partially due to the formation of H>O>. However, hydrogen peroxide
would spontaneously decompose into water and oxygen in alkaline media, and thus »-
butyronitrile is the only final product. Namely, this anodic oxidation reaction in BAS-

containing electrolyte has relatively high selectivity.

These results imply that BAS does not work as a ‘spectator species’ by influencing the
hydrogen bonds of water molecules but takes part in the anodic reaction itself, in
contrast to the literature data. The BAS contained in the electrolyte was found to be
selectively oxidized into n-butyronitrile with a rather high Faradaic efficiency. H20:

was certified to be also generated during this anodic oxidation reaction.

6.6 Summary

Firstly, various industrially relevant catalysts, i.e. NiOx, CoOx, and NiFeOx, were used
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to test the universality of the reported BAS effect. Apparent improvements of the anodic
oxidation reaction were observed on most of these investigated electrodes in the
presence of BAS. Utilizing BAS solution increased the activity of NiOx by a factor of
nine, whereas for CoOx it just increased by a factor of two and for NiFeOx the activity
was comparable to that measured in the K2SO4 aqueous solutions. Therefore, it seems

that the magnitude of the effect depends on the nature of the catalyst.

Subsequently, the pH effect was investigated. It was observed that the activity dropped
when the pH increased from 10.5 to 11 and from 12 to 13 but increased when the pH
increased from 11 to 12. The highest anodic activity was obtained at pH=12. These
results indicate that there is a non-trivial pH dependency of the apparent activity in the

BAS-containing electrolytes.

Additionally, the long-term stability was also measured. After applying 40 mA for 48 h,
the overall cell voltage remained at the initial value in the case of BAS. The catalytic

sites at the electrode surfaces are not poisoned during the operation.

Last but not least, 'H NMR and RRDE measurements were used to explore the role of
BAS in this novel system. It was found that BAS does not work as a ‘spectator species’
but directly participates in the reaction, in which BAS was selectively oxidized into n-
butyronitrile with a rather high Faradaic efficiency. H.O2 was certified by the conducted
RRDE measurements to be also generated during this anodic oxidation reaction. The
most selective and active system was found to be NiOx in the presence of 0.4 M BAS

at pH=12.

These observations can pave a novel way to increase the stability and overall cost
efficiency of the system for generating H> fuel, in which anode reaction OER can be
replaced by the production of other valuable chemicals. Moreover, this novel proposed
system can be further improved by simultaneously tailoring the electrode surface

composition, the electrode surface structure, and the electrolyte composition.
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7. Influence of the alkali metal cations on the electric double

layer capacitance

It is widely accepted that the electric double layer (EDL) has a significant influence on
the functionality of numerous systems applied in energy conversion and

216,217,218.219220.221 ' ranging from water electrolysis to fuel cells and from batteries

storage
to supercapacitors as it determines the interfacial charge and mass transport 222223224
The structure of the EDL is closely connected with the electrode surface structure,
electrode surface composition, and electrolyte composition. In other words, measuring
the EDL capacitance and its variation can provide a good way of establishing how the
properties of the electrode or electrolyte affect the electrocatalytic performance of the

systems.

As discussed in Chapter 2 in detail, the electric double layer consists of two regions,
namely the Helmholtz region and the diffuse layer. The EDL in the whole region can
be seen as the Helmholtz region and the diffuse layer connected in series. If the EDL
capacitance is taken into consideration in the whole double layer region, Cp, the

following equations are applied:

— =— 4
Cp  Cu  Caifr

1 _ aH,0 + Qion

Cy  Eaipote€o  2€HP—0HPED

Cdiff = kSrSO

in which
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koc\/c—s

where ¢, is the ion concentration in the diffuse layer. The EIS method was used to
estimate the influence of the alkali metal cations on the EDL capacitance Cp. Rather
dilute solutions were used as electrolytes. EIS measurements were performed at the
potentials close to the potentials of zero charge. The Faradaic processes such as specific
adsorption of ions at these potentials are suppressed.?2>?26227 In other words, at these
potentials the structure of the double layer is relatively stable, and the EDL capacitance

Cp is proportional to:

Cp X &£.&p " +/Cs

Here, the values of Cj, are derived from so-called constant phase element (CPE)
describing the impedance of the electric double layer (assuming Cp, = Cp). The
measurements were performed in 0.05 M MeClO4 (Me"™ = Li", Na“, K, Rb", and Cs")
solutions at pH=6. Different working electrodes, namely Pt(111), Au(111), Cu(111),
Cu(100), Pt(775) and Pt(12 10 5), were used. Pt(111) and Au(111) were selected
because they are the most commonly used model single crystalline electrodes. The
choice of single crystalline Cu is due to the fact that copper electrodes are the most
promising catalysts for the carbon dioxide reduction reaction. The selection of stepped
crystalline Pt(775) and Pt(12 10 5) is because of their high ORR activities and specific

surface defect structures.

The chapter is divided into five parts. The first section introduces the equivalent electric
circuit used and the examples of fitted curves. Then, the obtained double layer
capacitances of Pt(111) and Au(111) are discussed. The third and fourth sections discuss
the corresponding results of Cu(111), Cu(100), Pt(775), and Pt(12 10 5), respectively.

The last section is a summary.

Parts of this chapter were published in the article ‘Influence of the Nature of the Alkali
Metal Cations on the Electric Double-Layer Capacitance of Model Pt(111) and Au(111)
Electrodes’ in The Journal of Physical Chemistry Letters 9 (2018) 1927-1930'%.
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7.1 The equivalent electric circuit

NN
4
| I— Z
di
1

R

R, C,

Figure 7.1. The equivalent electric circuit used for fitting of the obtained impedance spectra. R,,
represents the uncompensated resistance; Z;; - the double layer capacitance; R, is an additional

adsorption resistance; and C, - additional adsorption capacitance.

The equivalent electric circuit used for the analysis of the impedance data is shown in
Figure 7.1. R, Z4, R,, and C, represent the uncompensated resistance, the double
layer capacitance, additional adsorption resistance, and additional adsorption
capacitance, respectively. In addition, R, and C, are connected in parallel with Z;
representing the impedance response originating from possible specifically adsorbed
species. Note that the element Z;; isnot a simple capacitor but a CPE, where Z pp =
Ch; Y(jw)™. In this case, the exponent n was measured to be higher than 0.95.
Therefore, one can assume that the values of C}; obtained from the CPE are close to

the real double layer capacitance, Cp.

For all EIS measurements, the ac-frequency range used was from 30 kHz to 1 Hz. The
obtained EIS curves were fitted using the software EIS Data Analysis 1.3. The quality
of the fitting and modelling was controlled by individual parameter uncertainties and

the root-mean-square deviations.

The EIS experimental and fitted results for the Pt(775) in 0.05 M MeClO4 (Me" = Li",
Na’, K*, Rb", and Cs") are used as examples to demonstrate the quality of the fitting
(Figure 7.2). For these five electrolytes, the fitted curves all almost overlapped with the
obtained experimental curves. The value of the parameter n was higher than 0.95 for
all these fitted curves. These observations indicate that the fitted results are acceptable

and accurately represent its physical origin; and the physical model is accurate.
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Figure 7.2. Fitted and experimental spectra for Pt(775) in 0.05 M (A) LiClO4, (B) NaClOg4, (C)
KCIlOy4, (D) RbCIO4, and (E) CsClO4 at pH 6. The obtained parameters of CPE, such as the double

layer capacitance, Cj;, and the exponent, n, are also indicated.
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7.2 The double layer capacitances of Pt(111) and Au(111) electrodes
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Figure 7.3. Typical cyclic voltammograms of (A) Pt(111) and (B) Au(111) electrodes in Ar-
saturated 0.1 M HCIO4

Prior to EIS measurements, Pt(111) and Au(111) electrodes were prepared and their
CVs then measured in Ar-saturated 0.1 M HC1O4 and 0.05 M MeClO4 (Me" =Li", Na®,
K", Rb", and Cs") as shown in Figures 7.3 and 7.4. With regard to the CVs of Pt(111),
the typical three regions, namely hydrogen adsorption/desorption, double layer, and
hydroxyl adsorption/desorption, can be observed in MeClOs, but the shapes of the three
regions were quite different from those in HC104 and appeared to depend on the alkali
metal cations present in the electrolytes. In terms of the CVs of Au(111), the shape
changed totally when the electrolyte was changed from HClO4 to MeClO4, but the
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shapes were similar to each other in the various MeClO4 electrolytes. Note that, as has
already mentioned in Chapter 2, the voltammetric experiments are typically far less
accurate in distinguishing different process constituents at the electrochemical interface
when compared to impedance spectroscopy. Thus, CV measurements normally cannot

be directly correlated with impedance measurements.
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Figure 7.4. Examples of cyclic voltammograms for (A) Pt(111) and (B) Au(111) electrodes in
Ar-saturated 0.05 M MeClO4 (Me* = Li*, Na®, K*, Rb", and Cs™). The potential scan rates were
50 mV s,

The electric double layer capacitances of Pt(111) and Au(111) in various MeClO4
electrolytes were plotted against the applied potentials, as shown in Figure 7.5A and B,
respectively. Well-pronounced minima can be observed for all of the curves. It is
approximated that there are no significant Faradaic processes occurring at the potentials

of these minimal EDL capacitances, Cp; yy » because these potentials are very close
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Figure 7.5. The double layer capacitances as functions of the electrode potential for (A) Pt(111)
and (B) Au(111) electrodes in Ar-saturated 0.05 M MeClO4 (Me™ = Li*, Na*, K*, Rb*, and Cs*).
The dashed lines are added as a guide to eye.

The values of Cpy y obtained in the above-mentioned five electrolytes were plotted
as a function of the hydration energy of the alkali metal cations in Figure 7.6. For both
Pt(111) and Au(111) electrodes, linear relationships were observed between the value
of Cpy v and the cation hydration energy. The lower the cation hydration energy, the
higher the value of Cpy . This phenomenon cannot be simply attributed to the
specific adsorption of cations since there are no specific adsorptions at these minima,
and the trends, i.e., increasing from Li" to Cs* in both cases, are the inverses of that
caused by the cation radii. In addition, the slopes obtained were about 0.06 for both the
Pt(111) and Au(111) electrodes. The values of Cp; »;y for Pt(111) in all investigated
electrolytes were, however, all slightly higher than those of Au(111). This observation
1s in accordance with the higher double layer capacitances observed in all CVs of Pt(111)
in MeClOy4 solutions compared to Au(111) (Figure 7.4), which might result from the

different work functions of metal electrodes?'®.
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Figure 7.6. Minimum double layer capacitances derived from Figure 7.5 and plotted against the
hydration energy of the alkali metal cations. The slopes are about 0.06 for both Pt(111) and

Au(111). The error bars are calculated from at least three different independent measurements.

To determine the reason for the observed trends in Figure 7.6, the relationships between
Cprmv and relative permittivity and between the relative permittivity and the type of
ions have been analysed. Since the electrolyte concentration (cy) is constant in all the
cases, the obtained Cp,, especially Cp; yy, is expected to be roughly proportional to
the relative permittivity (&, ). Thus, these trends in Cpp,yy should be closely
associated with the changed relative permittivity in different MeClO4 solutions. Based
on this idea, the dependence of the relative permittivity on the nature of alkali metal
cations and their concentrations in aqueous electrolytes are summarised in Figure 7.7
and derived from the literature??®. The linear trend of &, observed as a function of the
hydration energy of alkali metal cations, similar to that for the Cp; »;y. Moreover, the
slopes of these linear trends likely depend on the concentration of cations, as shown in
Figure 7.7. In other words, at relatively low concentrations the type of metal cation
does not influence &, as much as at relatively high concentrations. When monovalent
anions are considered, &, does not depend on the type of anions, such as C104, SCN™,
NOs~, I", and Br~, but rather depends on their concentrations.??® The values of &,
remain constant for different monovalent anions with the same concentration, but
decrease significantly as the anion concentration increases (Figure 7.8). Thus, similar

effects of e.g. CI” and ClO4 on the relative permittivity can be expected.
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Figure 7.7. Relative permittivity as a function of the hydration energy of alkali metal cations.
The relative permittivity was measured in the electrolytes with various concentrations of alkali

metal cations, which are adapted from ref.228.

75 : _
Br NO _ cIo
:.E\ .............. 3..S.,(iN OSM o 4
g " 1.0M
E . ........ _'. »
= 65|
2 7 1.5M
Sgof = s .
s . . 20m
2 55| n
NaAn, 298K
50 L . |
-350 -300 -250

Anion hydration energy / kJ mol’

Figure 7.8. Relative permittivity as a function of anion hydration energy. The relative permittivity
was measured in the electrolytes with different concentrations of anions, which were taken from
ref.229.

To explain the observed identical slopes in Figure 7.6, the slopes obtained from Figures
7.7 and 7.8 were plotted against the corresponding concentrations of the anions and
cations as shown in Figure 7.9, in which the slopes at different temperatures were also
added. One can see from Figure 7.9 that the slopes depend linearly on the concentration
of alkali metal cations, irrespective of the temperature (between 278, 288 and 313 K)
and concentration of anions (from 0.5 to 2 M). Therefore, it can be concluded that &,
is affected by the nature of the alkali metal cations, and that the degree of the effect is

determined by the concentration of the alkali metal cation. When comparing Cp; pn
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with the slope values of &, in Figure 7.9, this identical slope value for Cp; y;y, both
almost 0.06 in this case, corresponds to the local effective concentration of alkali metal
cations of 4 M. As the concentration of the alkali metal cations in the bulk electrolyte
used was just 0.05 M, it can be expected that the effective concentration of the alkali

metal cations near the surface could be up to 80 times higher than the bulk concentration.
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Figure 7.9. Slopes adapted from Figure 7.7 and 7.8 as functions of the concentrations of alkali

metal cations and anions. Three different temperatures are also shown for the cations.

This assumption sheds light on the quantification of the electric double layer structure.
Combined with the electric double layer theory, the effective concentrations of Me™ and
ClO4™ in the double layer region are both 4 M. If the approximate 55 M concentration
of H>O is taken into account, each alkali metal cation and anion will effectively be
surrounded by ca. 7 water molecules in the double layer structure (Figure 7.10). This
quantification should be very useful in modelling the EDL for future functional
electrodes. More importantly, such a high local concentration of alkali metal cations
near the electrode surface also addresses the question of why these ‘spectator species’
can significantly influence the electrochemical activities of electrodes even in dilute
electrolytes. To visualise this effect, a representation of the electrode/electrolyte
interface, here taking Pt(111) in MeClO4 solutions as an example, is schematised in

Figure 7.10.
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Figure 7.10. A schematics of the ions at the electric double layer of Pt(111) or Au(111) electrodes
in 0.05 M MeClOy electrolytes, in which effective concentrations of anions and cations close to
the surface are shown. According to the findings of this study, each ion is surrounded by almost
seven water molecules at the electrode surface, and their surface concentrations are nearly two
orders of magnitude higher than the bulk concentrations. As these charged ions will largely
influence the catalytic centres, the functionality of the surface should indeed be influenced by

the alkali metal cations.

7.3 The double layer capacitances of Cu(111) and Cu(100) electrodes
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Figure 7.11. Cyclic voltammograms for Cu(111) electrodes recorded in Ar-saturated 0.05 M
MeClO4 (Me* = Li*, Na*, K¥, Rb", and Cs"). Potential scan rates were 50 mV s'.
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To clarify whether this high near-surface concentration of cations is universal for
different functional electrodes, similar experiments were conducted on single
crystalline copper crystals. Preparation of Cu(111) and Cu(100) followed the procedure
introduced in Chapter 3. Then, CV and EIS measurements were performed in

succession in Ar-saturated 0.05 M MeClO4 (Me* =Li", Na®, K, Rb", and Cs") at pH=6.

The voltammetric results of Cu(111) and Cu(100) are shown in Figures 7.11 and 7.12,
respectively. For both Cu(111) and Cu(100) electrodes, it can be seen that there are no
pronounced peaks in the investigated potential range. This observation is in accordance
with the literature data.?*°, Therefore, according to these CVs, there are no significant
Faradic processes occurring in this potential range; and consequently, the EIS

measurements were performed in this selected potential range.
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Figure 7.12. Cyclic voltammograms for Cu(100) electrodes in Ar-saturated 0.05 M MeClO4 (Me*
=Li", Na®, K*, Rb*, and Cs"). The potential scan rates were 50 mV s’

The obtained EDL capacitances of Cu(111) and Cu(100) are then plotted as the
functions of the applied potentials in Figures 7.13 and 7.14, respectively. Well-

pronounced minima can be observed in all of the curves.

It seems that the near-surface effective concentration of alkali metal cations for both
Cu(111) and Cu(100) electrodes is again much higher than in the bulk electrolyte. The
Cprmiy for Cu(111) and Cu(100) (taken from Figures 7.13 and 7.14) were plotted
versus the hydration energy of alkali metal cation as shown in Figure 7.15. The values

of Cpy iy depend linearly on the hydration energy of alkali metal cations and increase
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7. Influence of the alkali metal cations on the electric double layer capacitance

in the same order: Li* <Na" <K"'<Rb" < Cs". The slopes were found to be 0.052 and
0.060 for Cu(111) and Cu(100), respectively. As Cpy yyy is proportional to the relative
permittivity; and the relative permittivity is closely associated with the nature of alkali
metal cations and their local concentrations (see detailed discussion in Section 7.2), the
local effective concentration of alkali metal cations was estimated to be ca. 3 to 4 M,

although the bulk concentration is only 0.05 M. In other words, the near-surface

concentration of alkali metal cations is 60 to 80 times higher than the bulk concentration.

This result is in agreement with the observation for Au(111) and Pt(111).
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Figure 7.13. Double layer capacitances as functions of the electrode potential for Cu(111)

electrodes in Ar-saturated 0.05 M MeClO4 (Me™ = Li*, Na*, K*, Rb*, and Cs"). The dashed lines

are added to as a gude to eye.

The double layer capacitance should be sensitive not only to the surface composition
but also to the surface structure. As described in Section 7.2, higher values of Cpy yy
in all MeClO4 electrolytes were always observed on Pt(111) electrodes compared to
Au(111). As shown in Figure 7.15, the different surface structures also dramatically

change the values of Cp; jy. With the same electrolyte, Cu(100) electrodes exhibited

higher values of Cp sy than Cu(111) electrodes.
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Figure 7.14. EDL capacitances as a function of the electrode potential for Cu(100) electrodes in
Ar-saturated 0.05 M MeClO4 (Me™ = Li*, Na*, K*, Rb*, and Cs"). The dashed lines are added as

a guide to eye.

Influence of the alkali metal cations on the electric double layer capacitance
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Figure 7.15. Minimum EDL capacitances extracted from Figures 7.13 and 7.14, plotted against
the hydration energy of alkali metal cations. The slopes are about 0.052 and 0.060 for Cu(111)

and Cu(100), respectively. The error bars are calculated from at least three different independent

measurements.
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7. Influence of the alkali metal cations on the electric double layer capacitance

7.4 The double layer capacitances of Pt(775) and Pt(12 10 5) electrodes
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Figure 7.16. Characteristic cyclic voltammograms of (A) Pt(111), (B) Pt(775), and (C) Pt(12 10
5) in Ar-saturated 0.1 M HCIO4 under hanging meniscus configuration (scan rate: 50 mV s™).

The corresponding surfaces are schematized on the right side of each CV.

To determine the relations between the double layer capacitance and the electrode
surface structure, two different high-index Pt model surfaces (Pt(775) and Pt(12 10 5))
were additionally selected for the investigation. CVs of Pt(775) and Pt(12 10 5) were
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7. Influence of the alkali metal cations on the electric double layer capacitance

first measured in Ar-saturated 0.1 M HCIO4 and 0.05 M MeClOs (Me" = Li", Na", K",
Rb", and Cs") electrolytes. Then, EIS measurements were conducted in Ar-saturated
0.05 M MeClOs (Me* =Li", Na", K, Rb", and Cs") at pH=6.

Pt(775)

NaClo, —

KClo,

j!uA cm?
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—
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00 02 04 06 08
Evs. RHE / V

Figure 7.17. Cyclic voltammograms for Pt(775) electrodes in Ar-saturated 0.05 M MeClO4 (Me*
= Li*, Na", K*, Rb*, and Cs"). The potential scan rates were 50 mV s

Figure 7.16 shows CVs of Pt(775) and Pt(12 10 5) in Ar-saturated 0.1 M HClO4 and
schematic images of their surface structures, to which corresponding results of Pt(111)
are added for comparison. With regard to Pt(111), a typical ‘butterfly- shape’ CV and a
rather planar surface can be observed in Figure 7.16A. In Figure 7.16B, the ‘fingerprint’
CV of stepped crystalline Pt(775) is seen. When kinked single crystalline Pt(12 10 5) is
considered, the characteristic CV was similar to that of stepped Pt surfaces but with
small differences in the potential range from 0.1 to 0.2 Vrue (Figure 7.16C). The
atomic width of the terrace can be seen as four atoms. Therefore, for these three single
crystals, the surface disorder degree increases in the following trend: Pt(111) < Pt(775)

< Pt(12 10 5).

The voltammetric results for the Pt(775) and Pt(12 10 5) in MeClO4 are shown in
Figures 7.17 and 7.18, respectively. As for the Pt(111) in Figure 7.3, the CVs of the
Pt(775) and Pt(12 10 5) electrodes in all MeClO4 electrolytes exhibit the typical three
regions, namely hydrogen adsorption/desorption, double layer, hydroxyl
adsorption/desorption, but the shapes are influenced by the alkali metal cations present

in the electrolytes.
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Figure 7.18. Cyclic voltammograms for Pt(12 10 5) electrodes in Ar-saturated 0.05 M MeClO4
(Me* =Li", Na', K*, Rb*, and Cs"). The potential scan rate was 50 mV s,

The EDL capacitances of Pt(775) and Pt(12 10 5) were plotted versus the applied
potential, as shown in Figures 7.19 and 7.20, respectively. Similarly to other
investigated crystals, apparent minima of Cj,; were observed for both Pt(775) and
Pt(12 10 5). The obtained Cp; »;y values are thus shown in Figure 7.21 as a function
of the hydration energy of alkali metal cations. It can be seen that the linear dependence
between Cp; p;y and the hydration energy of alkali metal cations is observed for both
Pt(775) and Pt(12 10 5), and the Cp 5y increases in the following order: Li" < Na" <
K"<Rb" < Cs". The slopes were almost identical for both electrodes, ca. 0.053. Based
on the mentioned correlation between the Cp; 5y and the relative permittivity, the
effective concentration of alkali metal cations near these stepped surfaces is likewise
estimated to be also about 3 to 4 M. The near-surface concentration of alkali metal
cations is also 60 to 80 times higher than the bulk concentration. This result once again
demonstrates that the higher near-surface concentration of alkali metal cations is

universal for most functional electrodes regardless of the surface structure.
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Figure 7.19. EDL capacitances as functions of the electrode potential for Pt(775) electrodes in
Ar-saturated 0.05 M MeClO4 (Me™ = Li*, Na*, K*, Rb*, and Cs"). The dashed lines are added as

a gude to eye.
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Figure 7.20. EDL capacitances as functions of the electrode potential for Pt(12 10 5) electrodes
in Ar-saturated 0.05 M MeClO4 (Me* = Li*, Na*, K*, Rb", and Cs"). The dashed lines are added

as a guide to eye.

The surface structure however has a significant influence on the double layer
capacitance values. As shown in Figure 7.21, for all investigated MeClO4 electrolytes,
the lowest values of Cp; ;v Were always found on Pt(12 10 5), followed by Pt(775),
whereas the rather planar Pt(111) surface demonstrated the highest values. Thereby, the
values of Cp pyy for these Pt surfaces were plotted against the inverse of the number

of atoms at their terraces, as shown in Figure 7.22. Note that the reciprocal number for
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Pt(111) was taken as zero because the ideal Pt(111) surface does not have any steps.
The higher the reciprocal number, the lower the value of Cp py. In other words, the
more disordered the surface is, the lower the double layer capacitance. Therefore, it can
be qualitatively concluded that the EDL capacitance is sensitive to the surface structure.
At least for Pt electrodes, the double layer capacitance decreases with the increasing

the degree of disorder.
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Figure 7.21. Minimum double layer capacitances extracted from Figures 7.19 and 7.20, plotted
against the hydration energy of the alkali metal cations, to which the data of Pt(111) is also added
for comparison. The slopes are about 0.060, 0.054, and 0.053 for Pt(111), Pt(775), and Pt(12 10

5) electrodes, respectively. The error bars are calculated from at least three different independent

measurements.
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Figure 7.22. Minimum double layer capacitances for different Pt surfaces extracted from Figures

7.19 and 7.20, plotted against the inverse of the number of atoms at their terraces.

119



7. Influence of the alkali metal cations on the electric double layer capacitance

7.5 Summary

The double layer capacitances of various electrodes, namely Pt(111), Au(111), Cu(111),
Cu(100), Pt(775) and Pt(12 10 5) were measured in 0.05 M MeClO4 (Me" = Li", Na®,
K", Rb", and Cs") electrolytes using the EIS method. The minimum EDL capacitances
of all investigated electrodes are linearly dependent on the hydration energy of alkali
metal cations, increasing in the following order: Li* < Na" < K' < Rb" < Cs", and the
obtained slopes are all in the range from 0.05 to 0.06. Based on the correlation between
the double layer capacitance and the relative permittivity, the effective concentration of
alkali metal cations near the electrode surface is found to be much higher than that in
the bulk electrolyte by a factor of 80. It is also shown that this observation can be made
for functional electrodes of this study irrespective of the electrode surface composition

and structure.

Moreover, by comparing the values of the minimal EDL capacitances between Pt(111),
Pt(775), and Pt(12 10 5) in various MeClOj4 electrolytes, these minima are found to
increase for all investigated electrolytes in the order: Pt(12 10 5) < Pt(775) < Pt(111).
These observations imply that the double layer capacitance is evidently sensitive to the

surface structure.

These findings clarify why the spectator species can contribute to the observed
significant changes of the electrocatalytic activities. These findings in conjunction with
advanced theoretical models are assumed to pave a new way to determining the

mechanism of the electrode surface functionalities caused by the spectator species.
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In this thesis, the influence of spectator species that are not directly involved in the
electrocatalytic reactions was investigated. The influence of the alkali metal cations,
typical spectator species, and n-butylammonium sulfate, a newly discovered spectator
species, was selected as the research focus. Specific influence of these species on the
activity towards HER, ORR, and OER, was investigated. The reason why these

spectator species can determine the electrocatalytic performance was suggested.

The HER activities of various electrodes in alkaline media can be tailored by merely
varying alkaline metal cations present in the electrolytes. The HER activities in diverse
alkaline electrolytes were measured for the electrodes with strong hydrogen binding
energy, such as Pt and Ir electrodes, as well as electrodes with weak hydrogen binding
energy, such as Ag and Au electrodes, respectively. The HER activities of all electrodes
were evidently dependent on the alkali metal cations present in the electrolytes and
could be adjusted by a factor of less than or equal to four by exchanging cations present
in the electrolytes. Moreover, for Pt and Ir electrodes exhibiting strong hydrogen
binding energy, regardless of their surface structure, the activity increased in the
following order: CsOH < RbOH < KOH < NaOH < LiOH. In contrast, for Ag and Au
electrodes, exhibiting weak hydrogen binding energy, the activity order was reversed:
LiOH < NaOH < KOH < RbOH < CsOH. These observations could be attributed to an
association between hydrogen binding of the electrode surface and the alkali metal
cations near the surface, in which these cations tailor the hydrogen binding by supposed

non-covalent interactions.

ORR activities of low- and high-index Pt surfaces closely correlate with the nature of
the alkali metal cations present in the solutions. ORR activities of Pt(111), Pt(221), and
Pt(331) electrodes were measured in an acidic solutions (HCIO4) as well as in various
alkaline electrolytes (LiOH, NaOH, KOH, RbOH, and CsOH). For the Pt(111), the
ORR activities were enhanced when acidic media was substituted with alkaline media.
The corresponding activity trend in different basic media was as follows: LiOH <
NaOH < KOH < RbOH < CsOH. However, for Pt(221) and Pt(331), the activity

diminished dramatically when changing to basic media. The activity trend in alkaline
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media was also changed, producing KOH > NaOH > CsOH > RbOH =~ LiOH. These
different ORR activities between low- and high-index Pt surfaces are attributed to the
interactions between their specific active centres and the alkali metal cations near these
centres. With regard to the ORR at the Pt(111) surfaces, the only active sites at the
terraces are beneficial from interacting with the nearby alkali metal cations: the reaction
intermediates are destabilised by the alkali metal cations. For the ORR activities on the
Pt(221) and Pt(331) electrodes, the alkali metal cations appear to have mostly negative
effects. Due to the existence of different types of active sites and the shielding effect
from the step edges, it becomes too complex to distinguish the specific influence of the
alkali metal cations. These results indicate that the ORR activity for both low- and high-
index surfaces depends on the type of alkali metal cation contained in the electrolyte in

addition to the pH of the electrolyte.

The water splitting on various industrial-relevant catalysts can be significantly
influenced by n-butylamine. Various industrially relevant catalysts, such as NiOx,
CoOx, and NiFeOx, were tested in different BAS-containing electrolytes of different
pHs. With regard to different catalysts, the activity for NiOx was increased by nine
times, whereas for CoOx it was just two times and for NiFeOx it remained the same, as
compared with the activity in K2SO4 aqueous solution. For BAS-containing electrolytes
with different pH levels, it was observed that the activity increased when the pH
increased from 11 to 12 yet dropped when the pH increased both from 10.5 to 11 and
from 12 to 13. The optimal performance was obtained at pH 12. The BAS-containing
system exhibits good stability during electrolysis. 'H NMR and RRDE measurements
were taken to clarify the role of BAS in this new system. It was found that BAS directly
participates in the reaction rather than solely as a spectator species. According to the 'H
NMR results, BAS was almost 100% selectively oxidised into n-butyronitrile with a
notably high Faradaic efficiency, whilst H,O, was also detected by the RRDE

measurements.

To ascertain why the catalytic activity is affected by the spectator species, even in
considerably dilute electrolytes, the influence of alkali metal cations on the properties
of the electric double layer was investigated. The double layer capacitances of various
electrodes such as Pt(111), Au(111), Cu(111), Cu(100), Pt(775) and Pt(12 10 5) were
measured in the electrolytes containing different alkali metal cations at near-neutral pH

using electrochemical impedance spectroscopy. It was observed for all investigated
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electrodes that there were linear trends between the minimum double layer capacitances
and the hydration energy of the alkali metal cations. The respective capacitances show
the following trend: Li" <Na" < K" < Rb" < Cs". According to the correlation between
the double layer capacitance and the relative permittivity, the near-surface effective
concentration of alkali metal cations could be as much as 80 times higher than the bulk
concentration (0.05 M bulk concentrations were used). This unexpected high near-
surface concentration of cations can be observed for many electrodes, regardless of their
surface composition and surface structure. However, the double layer capacitance
depends on the electrode surface structure as well as on the electrode surface

composition.

The above mentioned findings indicate that spectator species are of particular
importance for improving the efficiency of electrocatalytic systems for sustainable
energy provision schemes. Nevertheless, a deeper understanding of these phenomena

is still required. Accordingly, future experiments could explore the following aspects:

- The alkali metal cations may not affect the ORR and HER activities at very low
pH values (pH < 1). As it was reported for stepped single crystalline Pt, the
voltammetric characteristics remain the same at pH 1 in the absence or presence
of alkali metal cations.!”® This would clarify the relations between the pH and
the alkali metal cations effect.

- The altered concentrations of these spectator species may also influence HER
and ORR activities.

- The relations between the influence of alkali metal cations on the double layer
capacitance and the electrode surface composition and structure is needed to be
further clarified.

- In situ experiments are required to determine whether the presence of the
spectator species would change the nature of active sites of the electrodes for a
given specific reaction.

- Novel advanced measurements are required in order to acquire the direct
experimental evidence for the interaction between spectator species in

electrolytes and active sites at electrode surfaces.
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Appendix A. List of materials, chemicals, and equipment.

A.1 Chemicals and materials

The chemicals used in this work are listed in Table A.1.

Table A.1 All chemicals used in this work

Chemical Formula Quality Provider
Perchloric acid HCIO4 70%, Suprapur Merck
Sulfuric acid H,>SO4 96%, Suprapur Merck
Phosphoric acid H3PO4 85%, EMSURE Merck
Hydrogen peroxide H>0, 30%, Suprapur Merck
Cobalt sulfate
CoS0O47H20 >99% Merck
heptahydrate
Ferric sulfate FeSO47H;0 >99% Merck
heptahydrate
Nickel sulfate )
NiSO4-6H,0 >99% Merck
hexahydrate
Sodium sulfate NaxSO4 >99% Sigma Aldrich
Potassium sulfate K2SO4 >99% Sigma Aldrich
Potassium ferricyanide K3Fe(CN)s >99% Sigma Aldrich
Sodium acetate CH;COONa >99% Sigma Aldrich
Lithium hydroxide LiOH 99.998%, Trace Select Sigma Aldrich
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) ) 99.99%, . .
Sodium hydroxide NaOH . Sigma Aldrich
Semiconductor Grade

. . 99.99 %, Trace Metal . )
Potassium hydroxide KOH Basi Sigma Aldrich
asis

- . 99.9%, 50 wt-% . )
Rubidium hydroxide RbOH . Sigma Aldrich
solution

) ) 99.9%, 50 wt-% . .
Caesium hydroxide CsOH . Sigma Aldrich
solution

Butylamine CsHuN 99.5% Sigma Aldrich

The crystals and gases used in this work are listed in Tables A.2 and A.3, respectively.

Table A.2 Crystals used in this work

Crystals Quality Surface area / cm? Provider

99.99%, oriented
Pt(pc) 0.196 Mateck, Germany
better than 0.1°

99.99%, oriented
Pt(111) 0.196 Mateck, Germany
better than 0.1°

99.99%, oriented
Pt(111) 0.049 Icryst, Germany
better than 0.5°

Pt(221) 99.99% 0.031 Prof. J. Feliu, Alicante
Pt(331) 99.99% 0.038 Prof. J. Feliu, Alicante
Pt(775) 99.99% 0.036 Prof. J. Feliu, Alicante

99.99%, oriented
Pt(12 10 5) 0.049 Icryst, Germany
better than 0.5°

Au(pc) 99.99% 0.196 Mateck, Germany
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Au(111) better than 0.5° 0.049 Icryst, Germany
Ir(111) 99.99%, oriented 0.196 Mateck, Germany
better than 0.1°
Ag(pc) >99% 0.136 Homemade
Cu(111) >99% 0.196 Homemade
Cu(100) >99% 0.196 Homemade
Table A.3 Gas used in this work
Gas Quality Provider
Ar 5.0 Air Liquide, Germany
0] 5.0 Air Liquide, Germany
H» 5.0 Air Liquide, Germany
1000 ppm CO and Ar mixture 4.7 and 5.0 Westfalen, Germany

A.2 Equipment and software

Equipments used in this work are given in Table A .4.

Table A.4 Equipment
Equipment Type Provider
Pine RDE 710 RDE with MSR
RDE/RRDE electrode rotator with CE and ETL Pine, USA

marks
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Reference electrode

Glassy carbon electrode

Portable pH meter

Potentiostat

NMR spectrometer

Water purification systems

MMS

Diameter: Smm

PHH222

VSP-300

Evoqua Ultra Clear 10 TWF 30 UV

SI Analytics, Germany

Pine, USA

Omega, Germany

Bio-logic, France

Bruker

Westfalen, Germany

The used software:

The control over the potentiostat and the followed acquisition of the data were

proceeded using the EC-LAB, Version 11.30 software. The impedance data were fitted
by the EIS Data Analysis /.3. OriginPro 2017G was used for analysis of the data and

drawing figures.
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Appendix B. Symbols and abbreviations.

AFC

BAS

C

Ca

C’pL

C’prLmIN

CA

CE

cn

CPE

Cv

DFT

activity

alkaline fuel cell
butylammonium sulfate
capacitance/capacitor

adsorption capacitance

parameter proportional to the double layer capacitance

minimum value related to the double layer capacitance

chronoamperometry
counter electrode
coordination number
constant phase element
cyclic voltammetry

density functional theory
elementary charge
potential

standard electrode potential
decomposition potential

disk electrode potential
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E;

EIS

EDL

Hads/des

HM

HER

HOR

IHP

IL

Im[Z]

ring electrode potential

electrochemical impedance spectroscopy
electrical (or electric) double layer
Faraday constant

frequency

Gibbs free energy

glassy carbon

gas

Planck constant

hydrogen adsorption/desorption
hanging meniscus

hydrogen evolution reaction

hydrogen oxidation reaction

electric current

inner Helmholtz plane

ionic liquid

imaginary part of the complex number Z
current density

liquid

inductor

mass



MMS

N4

NASA

ocCp

OHads/des

OHP

OER

ORR

pc

PAFC

PEMFC

R,

Rcer

R.

R;

R,

Appendix B

molar mass

mercury-mercurous sulfate reference electrode
Avogadro’s number

National Aeronautics and Space Agency (USA)
open circuit potential

hydroxyl adsorption/desorption

outer Helmholtz plane

oxygen evolution reaction

oxygen reduction reaction
polycrystalline

phosphoric acid fuel cell

polymer electrolyte membrane fuel cell
electric charge

electric charge

gas constant

resistance/resistor

additional adsorption resistance

charge transfer resistance

external resistance

internal cell resistance

uncompensated resistance
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RDE

RE

Re[Z]

rpm

RHE

RRDE

SHE

SOFC

UPD

WE

ZpL

ZcPE

?o

rotating disk electrode

reference electrode

real part of the complex number Z
rotations per minute

reversible hydrogen electrode
rotating ring disk electrode
standard hydrogen electrode

solid oxide fuel cell

temperature

time

underpotential deposition
working electrode

valence number

impedance

impedance of the double layer
impedance of the constant phase element
gas phase fraction

overpotential

Galvani potential

standard Galvani potential

Work function
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chemical potential
density

angular frequency
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Influence of Alkali Metal Cations on the Hydrogen
Evolution Reaction Activity of Pt, Ir, Au, and Ag Electrodes

in Alkaline Electrolytes

Song Xue,” Batyr Garlyyev,*® Sebastian Watzele,” Yunchang Liang,” Johannes Fichtner,”
Marcus D. Pohl,* and Aliaksandr S. Bandarenka*™ ®

Fundamental understanding of the influence of so-called
spectator electrolyte species on the catalytic activity of electro-
des is considered as a relatively novel direction in electro-
catalysis. Numerous recent examples show that seemingly inert
electrolyte components drastically influence the performance of
catalytic centers. Even alkali metal cations in aqueous electro-
lytes at high pH values can change the reaction turnover
frequency by orders of magnitude, depending on their nature,
from Li* to Cs'. Here, we use several electrodes, namely
Pt(polycrystalline), Pt(111), Pt(221), Ir(111), Au(111), and Ag(poly-
crystalline), in different alkali metal cation-containing electro-
lytes to reveal their role in the hydrogen evolution reaction
(HER). The HER activity trends of various Pt electrodes,
irrespective of their surface structure, correlate with the
hydration energy of the corresponding alkali metal cations
present in the electrolyte (Li">Na®>K'>Rb">Cs"). The
trend remains the same for the Ir(111), however, it is reversed
for Au(111) and Ag(pc) electrocatalysts.

While understanding that electrolyte components play a critical
role in electrocatalytic reactions can be traced back to 1930s,"
until very recently these electrolyte-related phenomena were
not in the main focus of electrocatalytic science. However, now
it is understood that both the reaction rate™ and selectivity™ of
numerous electrocatalytic processes largely depend on the
nature of “spectator species”, i.e. electrolyte components,
which are not directly involved into the reaction mecha-
nisms.***7% According to the current understanding, these
species do not form classical chemical bonds with active
centers at the electrode surface.*'*""'” Among these “spectator
species”, alkali metal cations have attracted much scientific
attention recently™” due to their wide applications in
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laboratory and industrial fields:"" for instance it is difficult to
prepare aqueous electrolytes with high pH values without
them. However, the influence of the alkali metal cations on the
performance of different electrocatalytic systems is not yet well
understood. In this work, we focus on revealing the influence of
Li',Na', K", Rb" and Cs' on the hydrogen evolution reaction
(HER) in alkaline electrolytes. The choice of HER as the model
electrocatalytic reaction is based on two considerations. From
one side, HER is crucial for the development of so-called
“hydrogen economy”."®'” On the other hand, HER is relatively
simple in terms of mechanisms compared with e.g. the oxygen
evolution or oxygen reduction reactions."® The reason for
performing HER in alkaline media is based on the fact that in
the alkaline media, the alkali metal cations can in principle
adsorb on electrode surfaces,"” which means that it might be
easier to interpret their role in the electrocatalytic process.

Here, we demonstrate that HER activity of all investigated
electrodes, namely monocrystalline and polycrystalline Pt, I, Au
and Ag, fairly correlates with the hydration energy of the alkali
metal cations and the affinity of the surfaces to the H-
adsorbates.

Figure 1 shows a bar chart comparing the HER current
densities at —0.05 V vs. reversible hydrogen electrode (RHE) for

H,-saturated Lo
w )
Z 2004 0.1M MeOH — [l
@ I RbOH
B9 I csOH
>15
w
&
5]
@10
[ 4
£
o
< 0.5
- I

0.0 ! - -

PH(111) PY(221) Pt(pc)

Figure 1. Comparison of the HER activities at —0.05 V (vs. RHE), for the
Pt(111), Pt(221), and Pt(pc) electrodes in 0.1 M H,-saturated alkaline solutions,
MeOH (Me=Li", Na*, K*, Rb™, Cs™).

the Pt electrodes: single crystalline Pt(111), stepped single
crystalline Pt(221), and polycrystalline Pt (Pt(pc)) electrodes
measured in H,-saturated metal hydroxide electrolytes MeOH
(Me* =Li*, Na*, K7, Rb*, Cs™). We selected Pt(111) because it is
the most commonly used model single crystal Pt electrode. The
particular choice of Pt(221) electrode for this study is due to its

2326 © 2018 Wiley-VCH Verlag GmbH & Co. KGaA, Weinheim
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exceptionally high HER-activity in HCIO, media.”” In Figure 1, it
can be seen that the highest HER current densities for the Pt-
electrodes are always observed in LiOH, followed by NaOH,
KOH, whereas the lowest current densities are obtained in
RbOH and CsOH electrolytes. Furthermore, the HER current
densities in LIOH are up to ~4 times higher than those
measured in CsOH solutions for all Pt electrodes, irrespective of
the electrode surface structure. As shown in Figure S1, the
comparable trend for the HER current densities was also
recorded in Ar-saturated electrolytes. These correlations dem-
onstrate that the HER activity of different Pt electrodes is
strongly influenced by the alkali metal cations regardless of
their surface structure.

To further clarify the relationship between the HER activity
of Pt electrodes and the alkali metal cations, the pseudo-
exchange current densities were correlated with the hydration
energies of the alkali metal cations. It should be noted,
however, that the “true” exchange current density is difficult to
obtain due to the inevitable Ohmic drop and noticeable non-
linear behavior of the current-potential dependencies in the
logarithmic scale. In Figure 2a—c, the Tafel plots are shown for
the Pt electrodes. Rather similar slopes of the curves for
different alkaline electrolytes at each electrode potential reveal
that there are no significant changes in the HER mechanism for
Pt(111), Pt(221) and Pt(pc) electrodes among different alkaline
electrolytes."”’ Moreover, the logarithm of the pseudo-exchange
current densities (I0g(iy, seud0)) in different alkaline electrolytes is
plotted in Figure 2d versus the hydration energy of correspond-
ing alkali metal cations. The values of iy ;... Were estimated
using the “classical” approach, as shown in Figure 2a-c. This
observed behavior of these platinum surfaces strongly suggests
that there are trends between the nature (hydration energy) of
the alkali metal cations and the HER activity of the Pt electro-
des, and those observed trends seem to be not influenced by
the electrode structure.

A Sabatier-type “volcano” plot, shown in Figure 2e, links the
observable HER activities with the surface adsorption energies
for the H-intermediates (H-binding energies) for the pure metal
electrodes as reported in the literature,?"?? From this plot, it
can be observed that the H-binding at the Pt and Ir electrodes
is stronger, while at the Au and Ag electrodes it is weaker than
the optimum. If the alkali metal cations influence the H-binding
energy at the electrode surfaces always in the same way (as
observed for the Pt electrodes above), the activity trends
should remain similar for the metals on the left-side of the
“volcano” plot (stronger H-binding energy). Furthermore, if the
aforementioned statement is valid, then the activity trend
should be reversed for the metals on the right-side of the
“volcano” plot (weaker H-binding energy). Therefore, it would
be interesting to explore how the activity trends change for
metals with H-binding energy even stronger than Pt, for
instance, Ir, and for those with weaker H-binding energies, such
as Au and Ag.

Thus, the HER activities of Ir, Au and Ag electrodes have
been studied in different alkaline electrolytes. The HER activity
trend for Ir(111) (shown in Figure 3a) was comparable to the
results obtained for the Pt electrodes with the exception of

ChemElectroChem 2018, 5,2326-2329 www.chemelectrochem.org
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Figure 2. a—c) Logarithmic plot of the current densities versus the applied
potential for a) Pt(111), b) Pt(221), and c) Pt(pc). d) Logarithm of the pseudo-
exchange current density of Pt(111), Pt(221), and Pt(pc) plotted versus the
hydration energy of the corresponding alkali metal cations. The pseudo-
exchange current densities were estimated by a “classical” approach. e) The
“Yolcano” plot ranks the activity of different metal surfaces for the HER
(squares) by their theoretical binding energies of the hydrogen reaction
intermediates (dotted line, the theoretical H-binding energies and the
experimental activity data are taken from Refs. 21,22). Pt, Ir, Au, and Ag are
marked in the plot.

RbOH. Figure 3b shows the HER current densities (normalized
to the geometric surface area of the electrode) of Au(111) and
Ag(pc) in Ar-saturated electrolytes at —0.65 V vs. RHE. For both
electrodes, the HER current densities increased from Li* to Cs ',
opposite to the trends observed for the Pt electrodes. Addition-
ally, the voltammograms of the Au(111) and Ag(pc) electrodes
are presented in Figure S2 and S3, respectively. A comparable
activity trend was observed for Au(111) in the H,-saturated
electrolytes (Figure 3c), in which the HER current densities in
CsOH were ~4-fold higher than those in LiOH. In a word, the
results confirm a decreasing HER activity for Au and Ag and an
increasing HER activity for Pt and Ir with increasing of the
hydration energy of the alkali metal cations (Li* >Na* >K* >
Rb >Cs').

Our results confirm the existence of the influence of the
alkali metal cations; and this influence strongly correlates with
the type of the alkali metal. This influence might indicate the

© 2018 Wiley-VCH Verlag GmbH & Co. KGaA, Weinheim
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Figure 3. a) The HER current densities of Ir(111) in H,-saturated alkaline
solutions at —0.05 V vs. RHE. The HER activity decreases from LiOH to CsOH,
similar to that of Pt. b) The HER current densities of Au(111) and Ag(pc) in Ar-
saturated alkaline solutions at —0.65 V vs. RHE. The activity trend is reversed
in comparison with Pt and Ir. ¢) The HER current density of Au(111) in H,-
saturated alkaline solutions at —0.65 V vs. RHE. All measurements were
performed under similar conditions to those of Pt electrodes.

presence of non-covalent interactions"*?” between alkali metal
cations and the adsorbed reaction intermediates at the
electrode surface, or it could be due to co-adsorption of metal
cations onto the electrode surface.*” However, more detailed
experiments are needed to fully confirm the exact origin of this
phenomenon. Recently, we have demonstrated that the alkali
metal cations accumulate at the electrode surface, where their
effective concentration appears to be ~80 times higher than
their bulk concentrations.**! This likely leads to the restructuring
of the double layer resulting in a different catalytic activity.
Consequently, regardless of the mechanism, the adsorption
energy of H-intermediates is influenced by the presence of
alkali metal cations. The binding of the HER intermediates to

ChemElectroChem 2018, 5, 2326-2329 www.chemelectrochem.org
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the active centers weakens systematically from Cs* to Li™
depending on the type of alkali metal cation present close to
them: Cs* >Rb* >K™ >Na~ >Li". This phenomenon is benefi-
cial for HER on Pt and Ir but detrimental for HER on Au and Ag
electrodes.

In summary, HER activities of Pt(111), Pt(221), Pt(pc), Ir(111),
Au(111) and Ag(pc) were measured in different alkaline electro-
lytes. For Ir(111) and all of the Pt electrodes, irrespective of their
surface structure, the activities decrease in the following order:
LiOH > NaOH > KOH >RbOH >CsOH, while the order of the
activities for Au and Ag electrodes is reversed: CsOH >RbOH >
KOH > NaOH > LiOH. These results confirm that alkali metal
cations indeed affect the HER performance of the metal
electrodes, and there is an influence up to a factor of ~4
between Li* and Cs* containing electrolytes. We suggest that
these observed phenomena might be due to a change in the
H-binding energy of the electrode material, which is caused by
the interaction between the alkali metal cations present close
to the catalytic centers with the reaction intermediates on the
electrode surface. However, further detailed experiments are
required to confirm how the alkali metal cations change the H-
binding energy of the electrode material.
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Oxygen Electroreduction at High-Index Pt Electrodes in Alkaline
Electrolytes: A Decisive Role of the Alkali Metal Cations
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ABSTRACT: Currently, platinum group metals play a central role in the
electrocatalysis of the oxygen reduction reaction (ORR). Successful design and
synthesis of new highly active materials for this process mainly rely on
understanding of the so-called electrified electrode/electrolyte interface. It is
widely accepted that the catalytic properties of this interface are only dependent
on the electrode surface composition and structure. Therefore, there are limited
studies about the effects of the electrolyte components on electrocatalytic
activity. By now, however, several key points related to the electrolyte
composition have become important for many electrocatalytic reactions,
including the ORR. It is essential to understand how certain “spectator ions”
(e.g., alkali metal cations) influence the electrocatalytic activity and what is the
contribution of the electrode surface structure when, for instance, changing the
pH of the electrolyte. In this work, the ORR activity of model stepped Pt
[n(111) x (111)] surfaces (where n is equal to either 3 or 4 and denotes the
atomic width of the (111) terraces of the Pt electrodes) was explored in various alkali metal (Li", Na*, K, Rb", and Cs*)
hydroxide solutions. The activity of these electrodes was unexpectedly strongly dependent not only on the surface structure but
also on the type of the alkali metal cation in the solutions with the same pH, being the highest in potassium hydroxide solutions
(i.e, K* > Na” > Cs* > Rb* & Li*). A possible reason for the observed ORR activity of Pt [n(111) X (111)] electrodes is
discussed as an interplay between structural effects and noncovalent interactions between alkali metal cations and reaction
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intermediates adsorbed at active catalytic sites.

1. INTRODUCTION

The successful development of electrocatalysts strongly
correlates with a detailed understanding of processes happen-
ing at the electrode/electrolyte interface.'™ Platinum and
platinum group metals play a crucial role in catalyzing
numerous reactions, and one of the electrocatalytic reactions
of great importance, particularly for energy conversion and
storage systems, is the oxygen reduction reaction (ORR).”’
Several factors determine the overall activity and selectivity of
Pt and platinum group metals toward the ORR: the electrode
surface composition,s_w electrode surface structure,"'™*¢ and
the electrolyte composition. Certain approaches and method-
ologies such as Sabatier-type volcano plots®'”'? or so-called
coordination—activity relations™ can in many cases provide a
good explanation of the observed catalytic activity trends for
various electrode materials. There have also been studies
regarding the influence of electrolyte components,”' ™** which
is less understood. For example, in sulfuric acid, sulfate anions
form strongly adsorbed layers on Pt electrodes, hamper the
adsorption of ORR intermediates, and decrease the electrode
activity toward oxygen electroreduction in comparison with
HCIO, electrolytes.”*' On the other hand, in HCIO, media, it
has been recently shown that perchlorate anions can interact
with OH species adsorbed at the platinum surface and likely

< ACS Publications  © 2018 American Chemical Society

influence the ORR active sites.**> However, there is much

less understanding of how certain cation “spectator species”
(such as Na* or K*), which are widely used as components of
supporting electrolytes, affect the ORR activity at different pHs
and how they interact with the electrocatalytic surface sites.
There are at least two concurrent hypotheses proposed to
explain changes in the electrocatalytic activity of metal
electrodes, for example, if one switches the electrolyte pH
from acidic to alkaline. The first hypothesis is that the activity
of an electrocatalyst simply depends on the pH of the
electrolyte because of entropy barriers at the electrified
interface” or due to structuring in the electrical double
layer“’m and/or different solvation effects.”” The second
hypothesis is based on a big role of noncovalent interactions
between the electrocatalyst active sites and spectator species,
for instance, the alkali metal cations.”>”” In the case of the
ORR activity at Pt(111) electrodes in different alkaline
solutions, the highest activity was observed in 0.1 M Cs'-
containing solutions, and it was suggested that Cs” exhibits the
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weakest stabilization of the ORR intermediate, OH*,>* leading
to a near-optimal OH-binding energy for Pt(111) surfaces.
Herein, we demonstrate that the ORR activity of well-
defined high-index model surfaces of Pt[n(111) X (111)]
[where n = 3 for Pt(331), or n = 4 for Pt(221), and denotes
the atomic width of the (111) terraces of the Pt electrodes with
(111) step types] is significantly influenced by different alkali
metal cations, namely, Li", Na', K, Rb’, and Cs". The
particular choice of these electrodes for this study is due to
their exceptionally high ORR activities in HCIO, media.”"*"
We compared the results obtained for the above-mentioned
stepped single-crystal surfaces with the similar ones for
Pt(111) electrodes known from the literature. The highest
activity for the Pt(331) and Pt(221) electrodes was observed
in K'-containing electrolytes. However, the activities of the
high-index Pt surfaces appeared to be systematically lower in
alkaline than in acidic media, which is opposite to what is
observed for Pt(111) electrodes. The influence of the alkali
metal cations on the active sites located at the steps and
terraces of Pt(331) and Pt(221) electrodes is discussed.

2. RESULTS AND DISCUSSION

2.1. Electrochemical Measurements in Acidic and
Various Basic Solutions. Cyclic voltammograms (CVs) of
stepped Pt(221) and Pt(331) single crystals were recorded in
Ar-saturated acidic and alkaline electrolytes. The resulting CVs
in perchloric acid solutions are shown in Figure 1A; CVs of
Pt(111) single-crystal electrodes in 0.1 M HCIO, and 0.1 M
KOH are also presented as a reference. The voltammograms of
stepped surfaces demonstrate distinctive features, which are
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Figure 1. (A) Typical CVs of Pt(221) and Pt(331) electrodes
obtained in Ar-saturated 0.1 M HCIO, together with the reference
voltammogram for Pt(111) in 0.1 M HCIO, and 0.1 M KOH as
indicated in the figure. Representative single-crystal surface structures
are also shown for clarity. Typical CVs of (B) Pt(221) and (C)
Pt(331) electrodes in Ar-saturated 0.1 M AM—OH (AM = Li*, Na*,
K, Rb*, and Cs”) electrolytes. The scan rate is SO mV/s.

associated with different surface structures and the distribution
of adsorption sites as compared to Pt(111).2'7>*7%

For all three electrodes, CVs obtained in 0.1 M HCIO,
consist of clearly distinguishable regions with pairs of reversible
peaks (Figure 1A). In the case of Pt(111), adsorption/
desorption of the underpotentially deposited hydrogen species
can be revealed between ~0.1 and ~0.4 V versus reversible
hydrogen electrode (RHE). Within the same potential range,
CV features in 0.1 M HCIO, are significantly different for the
Pt(221) and Pt(331) electrodes as compared to that for
Pt(111). Additional peaks appear at ca. 0.12 V versus RHE,
which are attributed to the adsorption of OH species on
undercoordinated sites at steps.””*’ Notably, in 0.1 M alkaline
electrolytes (Figure 1B,C), the CVs in the potential region
between ~0.1 and ~0.4 V versus RHE for Pt(221) and
Pt(331) are also considerably different: the sharp peaks are
shifted toward ~0.25 V versus RHE. These peaks can in
principle be attributed to the adsorption/desorption of the
hydroxide species. However, there is no conclusive exper-
imental study confirming the nature of the adsorption species
involved in these processes in alkaline media. Most of the
relevant studies were carried out under ultrahigh vacuum
conditions and did not consider the influence of metal cations
and other ions present in actual experimental solutions (see ref
41). Recently, Koper et al. suggested that coadsorption of
cations is the origin of the apparent pH dependence ?7f
hydrogen adsorption on stepped Pt single-crystal electrodes.”

At the potential range between ~0.35 and ~0.65 V versus
RHE, the so-called double-layer region is observed (Figure 1),
the width of which is, however, noticeably different for Pt
electrodes in acidic and alkaline media. At the potential region
more positive than ~0.65 V versus RHE, even more drastic
changes in the voltammetric behavior are observed. Whereas
for Pt(111), the reversible peaks related to the OH adsorption
at terraces are clearly observed between ~0.6 and ~0.9 V
versus RHE, the hydroxyl anions adsorb significantly weaker at
similar sites of Pt(221) and Pt(331) electrodes. Notably, the
positive OH shift is more pronounced in the alkaline
electrolyte. Summarizing this part, it is important to admit
that changes in the electrolyte pH and composition drastically
alter the adsorption properties of Pt electrodes and would also
likely influence the electrocatalytic activity of these systems.

The ORR activities of stepped Pt(221) and Pt(331) single
crystals were studied under the hanging meniscus rotating-disk
electrode (HM-RDE) configuration in O,-saturated 0.1 M
HCIO, and 0.1 M AM—OH (AM = Li*, Na*, K, Rb*, and
Cs") electrolytes. Typical anodic polarization curves for
Pt(221) are shown in Figure 2A. In Figure 2B, we show the
activities of the Pt(221) electrodes in O,-saturated 0.1 M
HCIO, and 0.1 M KOH and for Pt(111) electrodes in O,-
saturated 0.1 M HCIO, and 0.1 M CsOH electrolytes taken
from the study of Markovic et al.** for benchmarking.

It was reported that Pt(221) electrodes demonstrated the
highest oxygen reduction activity among Pt single crystals in
the 0.1 M HCIO, electrolyte.””** In accordance with those
results, stepped Pt(221) crystals indeed show higher activity
compared to Pt(111) in acid (Figure 2B). The reason for the
increased ORR activity of Pt(221) is the maximal density of
surface catalytic sites with optimal coordination (in terms of
generalized coordination numbers)*”** and consequently the
optimal binding toward the most important ORR intermediate,
OH¥*, as discussed in detail in ref 38. The most active ORR
catalytic sites are “on-top” sites located close to the concavities
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Figure 2. (A) Typical anodic scans of the RDE voltammograms (iR-
corrected) of the stepped Pt(221) electrodes in O,-saturated 0.1 M
AM-OH (AM = Li*, Na’, K, Rb", and Cs") electrolytes. The scan
speed was set to S0 mV/s, and the electrode was rotated at 1600 rpm.
(B) iR-corrected RDE voltammograms of the Pt(221) electrodes in
O,-saturated 0.1 M HCIO, and 0.1 M KOH and for Pt(111)
electrodes in O,-saturated 0.1 M HCIO, and 0.1 M CsOH
electrolytes (shown for comparison, adapted from ref 25). (C)
Model illustrating the location of the most active catalytic ORR
centers at the surface of Pt(221) in perchloric acid according to our
previous work (see ref 38). These centers have an optimal
coordination in terms of so-called generalized coordination numbers™®
and are consequently close to optimal binding toward the most
important ORR intermediate, OH*. Oxygen atoms, which perma-
nently block the undercoordinated sites at Pt(221), are represented as
red spheres. Blue and black spheres represent the hydrogen and

platinum atoms, respectively.

at steps, where the binding to OH intermediates is ca. 0.093 eV
weaker than that of the “on-top” sites located at extended
Pt(111) surfaces (Figure 2C).

For pristine Pt(111), the ORR activity increases when the
electrolyte is switched from the acidic to some alkaline 0.1 M
AM-OH (AM = K" and Cs") electrolytes. It increases
monotonously from Li’- to Cs'-containing solutions, and the
activity of Pt(111) electrodes is significantly hi&her in 0.1 M
CsOH than that in 0.1 M HCIO, (Figure 2B).”” Markovic et
al. suggested that the monotonous increase in the activity from
Li* to Cs" is a direct consequence of less OH stabilization at
(111) terraces of Pt(111) electrodes by “less-solvated” Cs"
(and K*) ions compared to Li*.** Interestingly, in contrast to
Pt(111), the opposite is observed for Pt(221) and Pt(331)
electrodes: the ORR activity is systematically higher for the
stepped surfaces in the acidic electrolyte compared to the basic
ones, as summarized in Figure 3. Our data are also consistent
with the study by Rizo et al.** where the ORR activities of
stepped single crystals were lower in 0.1 M NaOH compared
to that in the acidic solutions. In general, the Pt(221)
electrodes demonstrated higher ORR activities than Pt(331) in
all the basic electrolytes. The highest ORR activity for both
stepped single-crystal electrodes was observed in KOH in the
following order: K* > Na* > Cs* > Rb* ~ Li".

221) in 0.1M HCIO,
150 L b ;
40T
Pt(111) in 0.1M KOH P

[ Pt(221)
I P(331)

Pt(111) in 0.1M HCIO4

J, at 0.9V vs RHE / mA cm?

500 450 -400 350 -300 -250
Hydration Energy / kJ mol”

Figure 3. Bar chart showing the ORR kinetic current densities for
Pt(331) and Pt(221) electrodes in 0.1 M AM—OH (AM = Li*, Na*,
K*, Rb", and Cs") electrolytes at the reference electrode potential 0.9
V versus RHE. Dotted lines specify the activity of Pt(111) in 0.1 M
HCIO,, 0.1 M KOH, and Pt(221) in 0.1 M HCIO, for comparison.

Furthermore, Figure 4A shows the comparison of the CVs of
Pt(221) in 0.1 M LiOH and KOH electrolytes. In the K'-
containing solution, compared to Li*-containing electrolytes,
the adsorption of OH species and oxide formation are
observed at more positive potentials, and the shape of the
peak observed is slightly different, possibly because of the
different coverages of OH/O* species. Similar trends are
observed for the Pt(331) electrodes (Figure 4B). Because the
OH species are also important ORR intermediates, clearly not
only pH but also the nature of the alkali metal cations
influence the properties of the adsorption sites (catalytic
centers) at the surfaces of high-index Pt single crystals, similar
to the case of Pt(111).”> Summarizing the observations from
Figures 1—4, one can assume that the observed activity of
different Pt electrodes in alkaline media is a result of the
interplay between structural effects and noncovalent inter-
actions between alkali metal cations and reaction intermediates
adsorbed at active catalytic centers.

2.2. Influence of Alkali Metal Cations on the ORR
Activity of High- and Low-Index Pt Electrodes. Activity
measurements for high-index Pt electrodes raise curiosity
about the role of alkali metal cations on the electrocatalyst
active sites and what is the role of the surface structure in the
resulting ORR activity in alkaline media. In other words, why
introduction of steps increases the activity in acidic media and
decreases it when in basic solutions in the presence of the alkali
metal cations? We address this query in this section by
considering varying influences of alkali metal cations on
different active sites present at the surface of Pt electrodes in
question.

There are nonequivalent OH-adsorption sites at the surface
of Pt(111) electrodes and the stepped single-crystal Pt
surfaces, as schematically shown in Figure SA,B. The OH-
binding energies for these types of adsorption sites for Pt(111)
and Pt(221) surfaces are summarized in Table 1. These
adsorption sites can also be considered as the most probable
catalytic centers for the oxygen electroreduction. Taking a
closer look at Figure SA, one can see that for the Pt(111)
surface, only one type of “on-top” sites is possible (designated
as type 1 in Figure SA). For the “on-top” centers at the
Pt(111) surfaces in acidic media, the corresponding OH-
binding energy is ca. 0.1 eV stronger than the optimal one
(AEoy = AEop(optimum) Value for type 1 in Table 1).
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Figure 4. Typical CVs of (A) Pt(221) and (B) Pt(331) electrodes in Ar-saturated 0.1 M LiOH and KOH electrolytes. The adsorption of OH
species and surface oxide formation are shifted toward more positive potentials in the K'-containing electrolytes relative to the Li*-containing

solution, as indicated by the arrows.
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Figure 5. Schematic representation of “on-top” ORR catalytic centers
at the surface of (A) Pt(111) and (B) Pt(221) at 0.9 V vs RHE.
Oxygen atoms, which are represented by red spheres, permanently
block the undercoordinated sites at Pt(221). (C) OH-adsorption
isotherm for Pt(111) electrodes in 0.1 M HCIO, and 0.1 M KOH
obtained from the anodic parts of the voltammograms shown in
Figure 1A. (D) OH-adsorption isotherms in (C) normalized by
maximal surface coverages. The maximal OH charges obtained from
the CVs are given in the inset. (E) Schematic description of how alkali
metal cations interact with the steps and terraces of Pt(221) surfaces.
White, red, black, and dark blue spheres represent hydrogen, oxygen,
platinum atoms, and the alkali metal cations in the electrolyte,
respectively.

Alkali metal cations seem to have another peculiar effect on
the amount of the OH adsorbed on the Pt(111) surface; the
amount of OH adsorbates seems to increase in the presence of
alkali metal cations, namely, K* (Figure SC,D). OH-adsorption
isotherms for Pt(111) electrodes in 0.1 M HCIO, and 0.1 M
KOH are shown in Figure 5C. Additionally, the OH-
adsorption isotherms normalized by maximal surface coverages
are shown in Figure SD. The surface coverages in respective
electrolytes were obtained by calculating the area (charge)
under the peaks (anodic parts) at the potentials between ~0.55
and ~0.85 V versus RHE from the CVs of Pt(111) in HCIO,
and KOH shown in Figure 1A. In KOH solution, the obtained
maximum coverage OH charges are ~2-fold higher than that in
HCIO,. This observation could be explained by considering
repulsive and attractive forces between the same and
oppositely charged molecules. Because hydroxide molecules
have repulsive forces between each other, they cannot form a
densely packed layer on the Pt(111) surface. However, the
presence of positively charged metal cations seems to alleviate
those repulsive forces. Because only reversible OH adsorption
occurs on the Pt(111) surfaces in alkaline media, " one can
assume that all adsorbed OH will participate in the reaction.
That is why the increased amount of adsorbed intermediates
would directly result in higher ORR activity, as observed for
Pt(111) in alkaline solutions.

Moreover, for the Pt(221) electrodes, there are more
nonequivalent “on-top” locations as represented in Figure 5B;
that is why the same above-mentioned behavior in alkaline
solutions is not observed for the high-index stepped Pt
surfaces. It seems that the nonuniform surface of Pt(221),
Pt(331) (steps and terraces as shown in Figure SB,E) and the
presence of several “on-top” active sites inhibit/hinder the
occurrence of the similar phenomena in alkaline solutions. In
order to clarify this, we should consider structural and
energetic characteristics of stepped Pt(221) and Pt(331)
surfaces. For the sake of simplicity, let us consider four types of

Table 1. Parameters Characterizing Adsorption Sites Indicated in Figure 5 in Acidic Media

i dq Tized 1

ption sites ( ing

ecies and Pt are  AFoy — AFEoupgy)) according to

AEqy — AF,

to Figure 5) = assumed :3?:;;%&?2;11&55' refs 20, 38, 42 (V) (evy
type 1 %5 0.00 —0.1
type 2 80 0.0925 ~0.007§
type 3 983 043 033
type 4 7.5 0.00 -0.1
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Figure 6. (A) Typical kinetic current density and (B) bar chart showing the kinetic current densities at 0.9 V vs RHE for Pt(221) electrodes in 0.1
M KOH and in 0.1 M KOH + 0.1 M KCIO, electrolytes. The latter electrolyte was prepared by mixing HCIO, (where the highest activity in acidic
media is observed) and KOH (where the highest activity in alkaline media is observed). The error bars are from five different measurements.

surface sites on Pt(221) (each corresponding to one of the
four atoms on the width of the (111) terraces of the Pt
electrodes).

There are two sacrificial surface sites: the first are
permanently blocked undercoordinated sites located on the
top edges (Figure 5SB) and the second are hindered sites
labeled as type 3 in Figure SB. The existence of these sacrificial
sites is necessary for creating the highly active sites, shown as
type 2 (Figure 5B). In acidic media, the type 2 sites of Pt(221),
as mentioned earlier, demonstrate the most optimal OH-
binding energy for the intermediates and are responsible for
the high ORR activity.

In other words, when there is only relatively moderate
influence from the electrolyte components (like in perchloric
acid media), the site with an optimum binding energy is type 2
site on the Pt(221) surface, which binds the OH intermediates
only ca. 0.0075 eV stronger than the optimum (see Table 1).

In the presence of alkali metal cations (in alkaline solutions),
their prominent effects on the type 2 sites divert their OH-
binding energy from the near-optimal values. As a result, one
always observes lower ORR activity of the stepped Pt
electrodes in basic electrolytes compared to that in the acidic
ones. Additionally, the reason why Pt(331) shows lower
activity compared to Pt(221) in the basic electrolytes could be
due to the absence of type 4 sites on Pt(331). The type 4 sites
on the Pt(221) surface are similar to the type 1 sites of Pt(111)
(see Figure SAB), and a comparable behavior (discussed
above) in alkaline solutions can be assumed.

There is another peculiarity, which distinguishes the high-
index single-crystal Pt surfaces from Pt(111) in alkaline media,
apart from the fact that the ORR activity of Pt(221) and
Pt(331) is systematically lower than that in HCIO,. The ORR
activities of Pt(221) and Pt(331) are nonlinear functions of the
hydration energy of the alkali metal cations (Figure 3), in
contrast to almost a linear relation between these parameters
for Pt(111). According to the model proposed in ref 25, the
hydrated alkali metal cations should interact with the
hydroxide ions adsorbed on the surface via hydrogen bonds.
The model assumes that alkali metal cations do not lose their
solvation shell and stay intact. Our findings on the influence of
different alkali metals on stepped Pt surfaces are mostly
consistent with that proposed model® for Pt(111). A
schematic description of how the alkali metal cations can
interact with different adsorption sites at the Pt(221) surface is

15329

shown in Figure SE, where possible three interactions of
solvated alkali metal cations with the Pt(221) active sites are
depicted. Furthermore, in contrast to the planar Pt(111)
surface, where the cations can interact with the whole first
water layer unhindered, for stepped surfaces the step edges can
shield the terrace depending on the size of the solvated metal
cations. This shielding occurs because of the steric hindrance
resulting from the neighboring Pt atoms at the steps on the
platinum surface, which prevents the hydrated alkali cation to
noncovalently interact with some of the atoms at the surface.
As a result, active sites on the Pt(221) and Pt(331), especially
type 2, will be affected differently depending on the type of the
metal cations. One can assume the presence of an optimum
metal cation hydration energy/shell size, which correlates with
the ORR activity of the electrocatalyst. For instance, Li* and
Na” might have too high hydration energy and small hydration
shell radii, whereas Rb* and Cs" might have too low hydration
energy and large hydration shell radii, which results in lowering
of the ORR activity. Therefore, it can be concluded that the
reason why the electrolytes containing K™ result in a higher
ORR activity compared to other metal cations could be due to
the hydration energy/shell size and/or due to the divergent
effect of each alkali metal on the OH*-binding energies on the
active sites of the high-index Pt surface.

In addition, to demonstrate the possible negative activity
role of, namely, alkali metal cations, not only the pH effect the
following experiments were performed. It is mostly assumed
that perchlorate anions do not adsorb on the electrode surface
and do not interact with the reactants/intermediates. Taking
this as a working hypothesis, in a separate experiment we
explored the effect of K' concentration on the activity of
Pt(221) (Figure 6). The ORR kinetic current density of
Pt(221) in 0.1 M KOH and in 0.1 M KOH + 0.1 M KCIO,
electrolytes was measured and shown in Figure 6A, and we also
show the kinetic current densities at 0.9 V versus RHE as a bar
chart in Figure 6B. The activity of the electrocatalyst
significantly decreased with the increasing amount of K* at
the same pH further explaining the difference in the activities
between alkaline and acidic media shown in Figure 3.
However, additional influence of ClO,” anions cannot be
excluded.
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3. CONCLUSIONS

In summary, the influence of metal cations on the ORR
activities of the Pt(221) and Pt(331) surfaces was investigated
in five different AM—OH alkaline electrolytes (AM = Li*, Na*,
K*, Rb', and Cs*). We observed that the influence of the
nature of the alkali metal cations on the ORR at Pt(221) and
Pt(331) is different when compared to that of Pt(111). For
Pt(111), the activity increases when the solution is switched
from acidic to basic media. However, for Pt(221) and Pt(331),
it is noticeably decreased. The presence of several types of
active sites on high-index Pt single crystals interacting with the
alkali metal cations seems to have a key role in decreased ORR
activity in alkaline solutions. The ORR activity of the stepped
Pt electrodes was strongly dependent on the type of the metal
cation in alkaline solution and the trend was as follows: K* >
Na* > Cs* > Rb* & Li". The Pt(221) electrodes showed higher
ORR activity than Pt(331) in all alkaline solutions. In
combination of the divergent effect of each alkali metal cation
on the OH-binding energies on the active sites of the high-
index Pt surface and the hydration energy/shell size of solvated
metal cations, our results confirmed that not only the pH but
alkali metal cations also play a decisive role in changes of the
ORR activity of complex Pt surfaces. Further research can be
carried out on stepped Pt surfaces with various terrace widths
in order to endorse the proposed mechanism of the alkali
metal cation influence.

4. EXPERIMENTAL METHODS

Single crystals of bead type: Pt(331) (lcryst, Jiilich, Germany)
and Pt(221) (provided by Prof. Juan Feliu, Alicante, Spain)
were used in all of the experiments. For the preparation of the
electrode surface crystal structure, the single crystals were
flame-annealed with an isobutene gas flame and then cooled
down in the mixture of CO (4.7, Air Liquide, Germany) and
Ar (5.0, Air Liquide, Germany). The electrode surface
structure quality was investigated by taking CVs in Ar-
saturated 0.1 M HCIO, solution, which are proven to be
extremely sensitive to both miniscule electrolyte contami-
nations and surface imperfections.**™*® Afterward, CVs of the
Pt electrodes were recorded in Ar-saturated 0.1 M solutions of
alkali metal hydroxides (Li*, Na*, K*, Rb*, and Cs"). Then, the
electrode activities toward ORR were measured under the
HM-RDE configuration (see refs 47 and 48) in O,-saturated
(5.0, Air Liquide, Germany) electrolytes. The electrodes were
rotated at 1600 rpm for all measurements. The similar
experiments were performed in a solution containing 0.1 M
KOH and 0.1 M KCIO,.

All glassware and experimental cells were cleaned with a 7:3
ratio mixture of H,SO, and H,0, (both Suprapur and
purchased from Merck, Germany). Afterward, they were
cleaned and rinsed several times with boiling ultrapure water
(Evoqua, Germany). A VSP-300 potentiostat (Bio-Logic,
France) was used for all of the electrochemical measurements.
For an initial cycle of each measurement, the working
electrodes were introduced into the solution under potential
control at 0.05 V versus RHE.

A polycrystalline platinum wire and a mercury—mercury
sulfate electrode (SI Analytics, Germany) were used as a
counter and a reference electrode, respectively. All of the
reported potentials in this study are referred to the RHE scale.

The solutions of perchloric acid were prepared by diluting
the 70% HCIO, (Suprapur, Merck, Germany) with ultrapure

water (Evoqua, Germany). The alkali metal hydroxide
solutions were prepared from LiOH-H,O (99.998%, Trace-
SELECT, Sigma-Aldrich), NaOH (99.99%, semiconductor
grade, Sigma-Aldrich), KOH (99.99%, trace metal basis,
Sigma-Aldrich), RbOH (99.9%, S0 wt % solution, Sigma-
Aldrich), and CsOH (99.9%, SO wt % solution, Sigma-
Aldrich). For the preparation of the mixture solution of KCIO,
+ KOH, first, a 0.4 M KOH solution and a 0.2 M HCIO,
solution were prepared from previously mentioned respective
chemicals and subsequently mixed in a 1:1 ratio.
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Reconsidering Water Electrolysis: Producing Hydrogen at
Cathodes Together with Selective Oxidation of

n-Butylamine at Anodes

Song Xue*,™ Sebastian Watzele*,? Viktor Coli¢,™ ¥ Kurt Brandl,® Batyr Garlyyev,*™ and

Aliaksandr S. Bandarenka*® > 9

Electrocatalysis for the oxygen evolution reaction (OER) is of
great interest for improving the effectiveness of water splitting
devices. Decreasing the anodic overpotential and simultane-
ously changing the anodic reaction selectively to produce val-
uable chemicals instead of O, would be a major improvement
of the overall cost efficiency. Some amines, when present in
aqueous electrolytes, were recently shown to change the se-
lectivity of the anodic process to generate H,0, rather than O,
on MnO, at pH 10. This results in unusually high apparent
“anodic activities”. In this work, industrially relevant OER cata-
lysts, oxyhydroxides of cobalt (CoO,), nickel-iron (NiFeO,), and
nickel (NiO,) all show more pronounced effects. Moreover, as
anodes they also selectively catalyzed the production of n-
butyronitrile from n-butylamine at higher pH as an easily re-
trievable valuable product. The pH dependence of the activity
was investigated at pH values closer those at which alkaline
electrolyzers operate. The highest activities were observed for
NiO, thin-film electrodes at pH 12 in the presence of 0.4m n-
butylammonium sulfate, without poisoning the active sites of
Pt electrocatalysts at the hydrogen evolution electrode.
"H NMR spectroscopy showed that n-butylamine is selectively
oxidized to n-butyronitrile, an organic chemical with numerous
applications. However, measurements using rotating ring-disk
electrodes indicated that some H,O, is also generated at the
surface of the oxide anodes.

In the electrolytic production of hydrogen fuel from H,0, the
majority of energy losses comes from the side of the electrode
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generating gaseous O,. Therefore, the corresponding anodic
reaction, the oxygen evolution reaction (OER), is considered as
the bottleneck of the whole process.” The product of the
anodic reaction, O, gas, is, however, not used in further appli-
cations. Therefore, producing more valuable products instead
of O, would be a benefit to such electrolysis systems. In other
words, the system can be optimized by altering the anodic re-
action, so that a different reaction proceeds for the production
of certain valuable chemicals, without disrupting the overall
activity. There are several other important reactions that could
potentially replace the OER or proceed simultaneously, such as
production of H,0,% chlorine evolution, or certain electro-
organic reactions. However, due to high amounts of hydrogen
fuel deemed to be needed in the future, there is a need to
elaborate a wider portfolio of reactions to proceed with high
selectivity instead of the OER at anodes (e.g., the amount of
chlorine that is required for chemical industry corresponds to
only about 4% of current hydrogen consumption).

Recently, MacFarlane and co-workers reported that certain
MnO,-type catalysts facilitate anodic H,0, production to an
extent that it dominates over the OER in aqueous electrolytes,
which contain an “ionic liquid” (IL)—n-butylammonium sulfate
(BAS).%* This results in unusually high apparent anodic activi-
ties, that is, very low net overpotentials for the anodic elec-
trode processes. In fact, a number of ionic liquids can influence
the OER, as well as the oxygen reduction reaction (ORR) selec-
tivity towards hydrogen peroxide formation.” For instance,
one of the main ORR products on the cathode in Li-air batter-
ies is superoxide, which slowly converts itself into Li,O, in ionic
liquids.” Therefore, one can, in principle, expect some similar
effects in certain electrocatalytic systems containing H,0O/IL
mixtures. For further notice, although the possibilities for appli-
cation of ILs show many promising prospects,*®'? further elu-
cidation of their behavior in electrochemical systems is neces-
sary.

Herein, we report a drastic decrease in the apparent anodic
overpotentials for water electrolysis system in electrolytes con-
taining n-butylamine with catalysts more frequently used in
current industrial applications. In addition, we selectively pro-
duced the valuable organic chemical n-butyronitrile."*'” Selec-
tive conversion of amines to nitriles is an important task in cat-
alysis (for examples, see refs. [18,19]). Here, we use higher pHs
and the best non-precious metal catalysts reported to date for
the OER: cobalt nickel, and nickel-iron oxyhydroxide based
electrodes (further denoted as CoO,, NiO,, and NiFeO,, respec-
tively), which are known to be chemically stable only within
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higher pHs. With the new systems, we observe that the pres-
ence of n-butylamine also increases the catalyst stability. The
oxides facilitate the selective production of n-butyronitrile,
which is only slightly soluble in water and can be separated
with relative ease, without poisoning the hydrogen evolution
reaction activity of Pt cathodes during water electrolysis.
"HNMR spectroscopy indicated that the only product of n-
butylamine oxidation was n-butyronitrile, which is widely used
as a precursor/intermediate in many industrial syntheses of or-
ganic chemicals,"*'® as well as a low-volatility electrolyte in
dye-sensitized solar cells."”’ With rotating ring-disk electrode
(RRDE) measurements, we observed that the presence of n-
butylamine seems to also facilitate H,O, production. We be-
lieve that this work can be further extended to the production
of other valuable chemicals together with H, fuel by simulta-
neously tailoring the electrolyte composition and the electrode
surface composition and structure.

In the initial series of experiments, the MnO, electrocatalysts,
used by MacFarlane and co-workers,” were replaced by NiO,
and CoO, thin-film electrode materials. Furthermore, the appar-
ent activity increase in the presence of n-butylamine is repro-
ducible with the Ni-based catalyst (Figure 1a): a notable
anodic current appears at electrode potentials close to 1.5V in
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5
< °
E
=04
o
10 12 14 16 18 20
E-iR vs. RHE IV
124
b) CoO, in BAS
] CoO,, in K,SO,
n
G 3l b Dt |
E RDE, 400 rpm
()
6
O
£ 4
-
~,]
0
2 ; :

10 12 14 16 18 20 22
E-iRvs. RHE IV

Figure 1. Typical cyclic voltammograms of (a) NiO, and (b) CoO, thin-film
electrodes in 0.4 M K,SO, aqueous reference solutions (black lines) and in
0.4 m BAS-containing electrolytes (red lines). All solutions had pH 10. The
electrode potentials were iR corrected.
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the presence of n-butylamine at pH 10, much earlier than in
the pH-corrected BAS-free K,SO, solution. Moreover, the shift
in the potential is more pronounced compared to the case of
MnO,-electrodes.? Finally, the observed apparent activity pro-
nouncedly depends on the chemical nature of the electrocata-
lysts. For instance, CoO, electrodes appear to be less active
than NiO, in the presence of BAS (Figure 1b).

In various alkaline electrolyzers, NiO, and CoO, electrocata-
lysts are usually used at higher pH values, as the OER overpo-
tentials are generally lower under these conditions and the
oxide electrocatalysts are more stable. Therefore, it is of partic-
ular interest to determine the pH dependence of the observed
effect at higher pH values. The influence of the pH on the
anodic currents for the most active NiO, films is illustrated in
Figure 2. It should be noted that testing at pH values higher

NiO, at pH = 10.5; 11; 12; 13

40 - With n-Butylamine

Without n-Butylamine:

10111213 1.4 15 1.6 1.7 1.8 1.9 2.0 24
EvsRHE/V

Figure 2. Typical cyclic voltammograms of NiO, thin-film electrodes in pH-
corrected 0.4m BAS and pH-corrected 0.4 m K,SO, electrolytes at different
pH values (10.5, 11, 12 and 13) as indicated. The electrode potentials were
not corrected for the iR drop in this case, owing to high currents at “lower
overpotentials” to minimize possible mistakes.

than 13 was not achieved, owing to the instability of the bulk
electrolytes. It is clear that the pH dependence of the activities
in the presence of BAS is not trivial, in accordance with previ-
ous observations.?” Raising the pH from 10 to 12 initially re-
sulted in an increase in the apparent activity, whereas at
higher pH values it dropped; the highest currents were ob-
served in solutions with BAS at pH 12. This could potentially
be due to the fact that to reach pH values of 12 and higher, it
was necessary to add relatively large amounts of KOH to the
IL-containing electrolytes, which might affect the formation
and/or stability of the proposed complexes.

Although the exact origin of the catalytic effect should be
further investigated, it is demonstrated that pH in the presence
of the IL has a large influence on the observed activities of
metal oxyhydroxide catalysts. The current densities for differ-
ent metal oxide catalysts at 1.77 V vs. RHE in “purely aqueous”
solutions and in the presence of BAS are summarized in
Figure 3.

Figure 3a shows that in aqueous 0.4m K,S0, electrolyte the
apparent activities of the metal oxide catalysts towards the
OER increase in the order PtO,<NiO,<CoO,<NiFeO,. It

© 2017 Wiley-VCH Verlag GmbH & Co. KGaA, Weinheim
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Figure 3. Average current densities at 1.77 V vs. RHE for different metal
oxide-type electrodes in (a) 0.4 m K,SO, and (b) 0.4 M BAS-containing electro-
lytes. The pH values of both solutions were adjusted to 12 with KOH. RDE at
400 r.p.m. All currents are shown without iR corrections,

should be noted that the anodic currents in the case of Pt
electrodes are likely due to further oxidation of metallic Pt
present below the Pt oxide layer, rather than to the oxidation
of BAS. However, in the presence of n-butylamine (Figure 3b),
the order of the apparent activities changes and the largest
current density at the potential of 1.77 V is observed at the
NiO, catalyst, being by an order of magnitude larger than that
observed in purely aqueous solution at the same potential.
The order of the apparent activities in the presence of BAS is
thus PtO, < CoO, < NiFeO, < NiO,. It should again be noted that
the anodic currents in the case of Pt-electrodes are mainly due
to furter oxidation of metallic Pt below the Pt-oxide. Addition-
ally, it is interesting to note that the current densities for CoO,
catalysts also increase, albeit to a smaller extent, whereas for
the NiFeO, catalyst it remains similar in both cases. This indi-
cates that there is likely an interplay between the properties of
the electrolyte and the catalyst that results in variation of the
magnitude of the observed effect.

To elucidate the processes happening during water electrol-
ysis in the presence of BAS, we explored the system with
"H NMR spectroscopy and RRDE measurements. 'H NMR spec-
troscopy was applied before and after running the electrolysis
for 48 h with the most active catalyst NiO, at pH 12. The
'H NMR results are shown in Figure 4a. By comparing 'H NMR
spectra before and after the reaction, we could clearly see the
main reaction happening at the anode: exclusively selective
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oxidation of n-butylamine to form n-butyronitrile. The corre-
sponding chemical shifts for n-butylamine and n-butyronitrile
are in good agreement with the reported values.?" Such a re-
markable selectivity, together with the highest activity, is ob-
served only at pH 12. At higher pHs Ni anodes are known to
convert up to 15% of n-butylamine into a number of other or-
ganic compounds,?” which also complicates separation of the
main product.

Although the 'H NMR results clearly indicate that n-butyla-
mine was selectively electrocatalytically oxidized to n-butyroni-
trile during anodic polarization, the faradaic efficiency of the
reaction, which was assessed by using the 'H NMR data, ap-
peared to be around 95%, possibly due to the fact that some
amount of O, or H,0, is also formed (see below). However,
since H,0, will spontaneously disproporionate in alkaline
media, only n-butyronitrile is formed as the main product, with
very high selectivity as shown by the 'H NMR spectrum (Fig-
ure 4a).

To further study the processes taking place in the BAS-
containing solutions at higher pH, RRDE measurements were
conducted by cycling the potential of the NiO, disk electrode
in the potential range between 1.05 and 1.55 V while keeping
the potential of the Pt ring at 1.3 V, where only H,0O, oxidation
can take place (Figure 4b; neither oxidation of n-butyronitrile
nor n-butylamine occurs at Pt; see Figure 3 and discussion
above).

The emergence of the ring current simultaneously with the
appearance of the anodic current on the disk electrode indi-
cates that species electroactive at 1.3 V vs. RHE are generated
at the disk, in this case indicating that H,0,, which undergoes
oxidation at this potential, is the most likely side product of
the anodic reaction. A hysteresis detected for the disk currents
in the cathodic and anodic scans (Figure 4b), where the cur-
rents at the cathodic scan are higher (e.g., ca. T mAcm ? at
1.36 V vs. RHE, without iR correction) than in the anodic scan,
can be explained by additional autocatalytic decomposition of
the generated H,0, in alkaline media at the Pt disk, further in-
dicating that hydrogen peroxide is generated in the reaction.
The reason that H,O, is generated at potentials lower than
those commonly predicted (1.76 V vs. RHE) could be that there
is no pre-existing H,0, in the solution: the thermodynamic po-
tential for H,0, formation is, therefore, lowered below about
1V vs. RHE?! (and in alkaline media, H,0, is not stable, keep-
ing its surface concentration very low). Another possible
reason could be that the presence of the ionic liquid stabilizes
H,0, through solvation by the IL? For instance, ethylamine
molecules have been shown to stabilize H,0, at the electrode
surface in aqueous media, given that the H,O,-ethylamine
complexes are approximately 24 kJmol~' more stable than hy-
drated H,0,, shifting the potential by roughly 0.4V towards
more negative values.”!

Long-term stability experiments comparing the performance
of NiO, anodes and Pt cathodes in 0.4m K,SO, and 0.4m BAS
aqueous electrolytes at pH 12 were performed by using the 2-
electrode configuration (galvanostatic regime; Figure 4c). The
overall cell voltage at the same constant current was found to
be much lower in the case of BAS-containing electrolytes than

© 2017 Wiley-VCH Verlag GmbH & Co. KGaA, Weinheim

149



Appendix C

150

%> ChemPubSoc
Dt od Europe
25000 F o000
a) so000] CHiCH:CH.CHNH,
20000 |- **
20000
15000
15000 |- 10000
5000
10000 | 25 20 15 10
Chemical shift/ppm
CH,CH,CH,CH,NH, + CH CH,CH.CN

3.0 25 20 s 10 05
Chemical shift/ppm

CHEM' '“CHEM

Communications

20 T T T T T T 0.100

b)

o« 154 0075
5 <
g 104 -oo&oE
\')‘55 5. -0025_

0 }- 0.000

10 114 12 13 14 15 16
E,, vs. RHEIV
fisk

cg 5
> |
i
)
o |
Sl
=2 o K,S0, pH=12
3 , o BAS pH=12
i 1 " 1 " L 1 L
0 10 20 30 40

Time / hours

Figure 4. a) Typical 'H NMR spectra after water electrolysis with NiO, anodes in 0.4 m BAS at pH 12 for 48 h. Inset shows the 'H NMR spectrum before the
start of the experiment. Shifts corresponding to the n-butyronitrile are shown in red. b) Typical results of the RRDE measurements with NiO, disk and Pt ring
electrodes in presence of 0.4m BAS. Scan rate for the disk: 50 mVs . 400 rp.m. £, = 1.3 V (constant). ¢) Stability measurements of NiO, in 0.4m K,SO, and
0.4 m BAS-containing electrolytes at pH 12. Galvanostatic mode, /=40 mA. Inset shows the quickly corroded anode when only K,SO, is present in the solu-

tion.

that when only K,SO, was present. Moreover, the cell voltage
is very stable in the case of BAS solution through 48 h of run-
ning the experiment, whereas in the case of K,SO, solutions
the anodes were completely corroded after just 20 h. These re-
sults show that the electrochemical stability in the presence of
BAS is much better than in K,SO,. This can be partly attributed
to a slight buffering effect of BAS solutions. However, it cannot
completely explain the stabilizing effect.

To summarize, selectively producing a valuable organic
chemical, which is relatively easy to separate, at the anode
side instead of oxygen during water electrolysis could poten-
tially improve the cost effectiveness of this electrocatalytic pro-
cess. Additionally, the presence of BAS improves the stability
of the system, affecting the performance of neither the metal
oxide anodes nor the Pt cathodes, which is significant for its
applicability in “real-world” devices.

In conclusion, we have demonstrated that an apparent in-
crease in the anodic electrode activities during H,0 electrolysis
occurs in the presence of n-butylamine for metal oxyhydroxide
catalysts other than MnO,, namely for industrially relevant
metal oxides such as NiFeO,, CoO,, and NiO,. In addition to the

ChemSusChem 2017, 10, 4812 - 4816
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decrease in anodic overpotential, the electrocatalyst selectively
produced n-butyronitrile, a valuable chemical used as an inter-
mediate in synthesis of many organic chemicals, and also used
as an electrolyte in dye-sensitized solar cells. The dependences
of the apparent activity on the pH, particularly at higher pH
values, were also investigated. The most active and selective
system appeared to be NiO, in presence of 0.4 m n-butylammo-
nium sulfate at pH 12. Furthermore, the apparent activity due
to the presence of BAS was found to be different for distinct
catalysts and the magnitude of the effect also depended on
the nature of the catalyst. The conducted RRDE measurements
gave further indication that H,0, is also generated as a result
of the electrochemical anodic reaction of water molecules.
Long-term electrolysis of water in the presence of n-butylam-
monium sulfate at pH 12 showed that the anode and cathode
are stable and the catalytic sites at their surfaces are not pois-
oned during the process. To further increase the overall cost
efficiency and stability of the system, more research needs to
be done on producing valuble chemicals at the anode side
during water electrolysis.

© 2017 Wiley-VCH Verlag GmbH & Co. KGaA, Weinheim
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Experimental Section

Glassy carbon (GC) and Pt electrode supports were pretreated by
cycling in 0.5m H,SO, (96%, Suprapur, Merck, Germany) solutions
up to 1.55V vs. RHE. Cobalt oxyhydroxide thin films (denoted as
Co0,) were deposited according to the procedure described in
ref. [24], from a solution containing 0.1 m Na,SO, (99.99%, Sigma
Aldrich, Germany), 0.1m CH,COONa (= 99%, Sigma Aldrich, Germa-
ny), and 0.1m CoSO, (>99%, Merck, Germany) in ultrapure water
from an Evoqua Ultra Clear 10 TWF 30 UV system (Evoqua, Germa-
ny), by performing cyclic voltammetry scans between 1.23 and
1.83 V (RHE). Nickel oxyhydroxide thin films (denoted as NiO,) were
prepared similarly from a solution containing 0.1m Na,SO, 0.13m
CH;COONa, and 0.13 M NiSO, (>99%, Merck, Germany) by cycling
the electrode in the range between 0.23 V and 2.13 V vs. RHE. The
formation of mixed nickel-iron oxyhydroxide (denoted as NiFeO,)
electrocatalysts was performed as described in Ref. [25] by catho-
dic deposition at a constant current (50 mAcm?) for 50 s from a
solution containing 0.09m NiSO,, 0.009m FeSO, (>99%, Merck,
Germany) and 0.022m (NH,),S0, (>99.0%, Sigma Aldrich, Germa-
ny). The thickness of CoO,, NiO,, and NiFeO, films necessary to ach-
ieve bulk-like properties (i.e., to eliminate substrate effects) was de-
termined according to a procedure described in refs. [24,26]. All ex-
periments in this work were performed with catalyst layers thick
enough to eliminate the substrate effect.

BAS-containing solutions were prepared by mixing n-butylamine
(99.5%, Sigma Aldrich, Germany) and H,SO, aqueous solutions. The
pH was adjusted by adding n-butylamine or H,SO,. To achieve
pH > 12, the addition of KOH (85%, Griissing, Germany) was neces-
sary. The reference K,SO, solutions were prepared by diluting
K,SO, (99.99%, Sigma Aldrich, Germany) in ultrapure water and ad-
justing the pH to the desired value with KOH.

All measurements were performed by using Bio-Logic VSP-300 po-
tentiostats (Bio-Logic, France). The potentials in this work are re-
ferred to the RHE scale. When necessary, the iR correction was per-
formed according to ref. [27].

Stability of the electrolytes was tested in prolonged electrochemi-
cal experiments by using oxyhydroxide-covered Ni foams as
anodes in a 2-electrode configuration in galvanostatic mode. An
NMR spectrometer (Burkar, Germany) was utilized to analyze the
electrolyte (90% D,0+10% BAS solution) before and after 24 h
and 48 h electrochemical treatment.
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