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Chapter 1

1.1 Electrochemistry and electrification

The study of the transformation of electrical energy into chemical bonds and,
in the reverse process, the conversion of energy stored in chemical bonds back to
electricity, defines the field of electrochemistry. While in chemical reactions
electrons are transferred directly between molecules, in electrochemical reactions
they are transferred through electronic or ionic media. Electrochemistry is an old
science, its birth being considered to be in the 18™ century, the time of the great
findings of "animal electricity” by Galvani and the first battery by Volta.! Various
devices and processes involving electrochemistry that are currently used at an
industrial scale come from concepts that were developed in the 19t century. These
include batteries?, solar cells?, and the industrial production of chlorine from brine.*
The field has been increasingly growing, especially since the beginning of the 21
century, due to climate change and the need for electrification, renewable energy
conversion and storage technologies. The importance electrochemistry has had
and will have for the future of our society is highlighted by the 2019 Nobel Prize in
Chemistry, awarded to John B. Goodenough, M. Stanley Whittingham and Akira
Yoshino for their contributions to the development of the rechargeable lithium-ion
battery in the 1970s. The battery enabled the development of mobile phones,
laptops, electric vehicles and the storage of energy generated by solar and wind
power. Nevertheless, further developments in electrochemistry will still be crucial
for improving the current landscape of sustainable energy production and
utilization, towards a fossil fuel-free electrified society.

In the last one-and-a-half century, we have relied almost exclusively on non-
renewable resources to produce things that are essential to maintain our lifestyle,
such as energy, chemicals, and fuels. For example, the chemical industry is highly
dependent on petroleum, both as a feedstock and energy source. In fact, roughly
6-7% of the annual oil production is consumed by this sector.> The combustion of
these fossil resources generates greenhouse gas emissions that damage our
environment and lead to climate change. To remediate that, there is growing
interest in using renewable energy and sustainably produced chemicals to feed the
industry and transportation sectors, as these are the main consumers of fossil
resources nowadays.® Using clean electricity as the main source of energy is a
potentially cheap and efficient way to decarbonise our economy. The costs of
renewables and storage technologies are rapidly falling, making it possible to
achieve the required expansion of clean power systems at low cost. Overall, with
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the current existing technologies (and those under development), the replacement
of greenhouse gas emitting processes and the electrification of our society can be
achieved by:
e Increasing the renewable energy electricity production, supply and storage
capacity;
e Replacing combustion engines by electric motors, present e.g. in battery and
fuel cell powered vehicles;
e Using electricity to drive industrial processes.

A very important example of a decarbonized energy system is the use of H,
as energy storage, fuel, and bulk chemical. Renewable electricity can be converted
to H, through the electrolysis of water. It is cheaper to transport hydrogen than to
transport electricity, which means that, for example, electrolysers can be placed on
sites where the renewable electricity is cheap and delivered where it is needed, on
demand. The energy stored in H; can in turn be used when there are shortages, or
H, can be directly used as fuel e.g. in micro combined heat and power (CHP) fuel
cells in our homes, without a carbon footprint. Although electrification is already
happening in the ground transportation and electricity sectors, for some industries
such as cement and steelmaking this is not yet the case, and may be more
challenging to achieve. Nevertheless, there are still ways of reducing the carbon
footprint of these processes using electrochemistry. For instance, renewable
electricity can be used to electrochemically convert CO,, a waste from the cement
and steel industries, to a chemical building block, like CO.” This pure CO can, for
example, be used in the industrial preparation of acetic and acrylic acid, among
many other applications.®

Achieving global electrification will require serious breakthroughs in the
different industrial sectors and, importantly, in the society. A change in mentality is
necessary, to drive the initial investments that relying on electricity will require.
Infrastructure will be necessary, for integrating the power grid. All this will have to
come with new laws and regulations, not only regarding the electricity market but
also the environment. To succeed, these have to be allied to public acceptance, and
political resolve. Although promising, this may be especially challenging to achieve
in developing countries, facing e.g., social inequalities. Finally, climate change and
the realization that we need to shift towards more sustainable processes, calls for
innovation and for re-thinking industrial approaches. In view of that, to develop
new electrochemical technologies and to stop depending on non-renewable
resources, bridging fundamental and applied electrochemistry, is necessary.
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1.2 Heterogeneous electrocatalysis

Heterogeneous electrocatalysis is the branch of electrochemistry that studies
reactions occurring at the surface of an electrode, which contains or is the catalyst.
Catalysts (or electrocatalysts) are materials that enable and/or accelerate a chemical
reaction, by lowering the overall potential energy landscape so that the reaction
barrier decreases. Electrocatalysis uses electricity to convert molecules as for
example H,0O, N, and CO; into energy carriers or important building blocks for the
chemical and fuel industries as CO, H,, ethanol, NHs;. The device that makes this
electrochemical conversion possible is also known as an electrolyser (Fig. 1.1),
where a direct electric current drives otherwise nonspontaneous chemical reactions.
In the cathode material, electrons are provided to the reactants while at the anode
material electrons enter the circuit. Fig. 1.1 exemplifies an electrolyser in which the
electrocatalytic reduction of CO, takes place at the cathode (CO; reduction reaction,
CO;RR, Eq. 1.1); and the oxidation of H,O to O, (Oxygen Evolution Reaction, OER,
Eqg. 1.2) happens at the anode. The anode and cathode are placed in an electrically
conducting medium containing cations and anions, called the electrolyte. Current
is passed through the electrolyte due to the movement of positively charged ions
(cations) towards the cathode, and negatively charged ions (anions) towards the
anode. The cathode and anode may be separated by a membrane, a material that
selectively allows species to go from one electrolyte compartment to another. For
instance, the membrane from Fig. 1.1, selectively allows protons to move from the
anode to the cathode compartment. This may be used to avoid secondary reactions
or to easily separate the products made at the two different electrodes.

CO,RR:  xCO, + nH,0 + ne~ — product + yOH" Eq. 1.1
OER: 2H,0 — O; + 4H* + 4e” Eq.1.2
The minimum energy input (voltage) required to drive reactions 1.1 and 1.2
(E%g,) is the difference between the half-cell equilibrium potentials
(E%arrope— E%nope) described by £9%g; = —AG°/nF, where AGP is the Gibbs free
energy of the overall cell reaction at 1 atm and 298 K, nis the number of moles of
electrons transferred in the half-cell reaction, and Fis Faraday constant (96 485 C

mol™). The theoretical value of the cell potential can be calculated using the Nernst
equation:

Ecerr = E%eu— (RT/2F) In(Qr) Eqg. 1.3
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Fig. 1.1. Pictorial representation of a CO; to CO electrolyser, in which the cathode and anode
are separated by a proton exchange membrane.

where £9%, is the standard equilibrium cell potential, R is the universal gas
constant (8.314462 J K™ mol™), 7 is the temperature in Kelvins, z is the number of
electrons transferred in the cell reaction, F is the Faraday constant and Q is
the reaction quotient, derived from the activities of the electroactive species.

To drive sufficiently large reaction rates, an excess voltage (overpotential)
must be applied to overcome the sum of several energy barriers and resistances.
These include e.g. ohmic losses from the conduction of ions in the electrolyte, and
the sometimes slow rates of the reactions at the cathode and anode. Studies in
electrochemistry focus on minimizing the potential that must be applied for an
electrocatalytic process to take place, which depends on electrode material,
reactants, products, the electrode—electrolyte interface, among others. Thus, the
main aim of electrocatalysis is usually to improve the reaction rate (the amount of
product produced per unit of time), which can be achieved by decreasing the
energy barrier of the target reaction.
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1.3 The electrochemical interface

The primary role of the electrolyte is to conduct ionic charge between the
electrodes. It usually consists of a solvent and a salt, that easily dissociates into
cations and anions to provide a high ionic conductivity. When a metal electrode is
in contact with the electrolyte, ions in the electrolyte assemble near the surface to
balance the charges on the electrode. For instance, during CO;,RR, the electrode is
negatively charged. Cations in the electrolyte then migrate towards the cathode
surface, forming what we call the electrochemical double layer. Fig. 1.2 shows a
schematic representation of the electrode-electrolyte interface according to the
Gouy-Chapman-Stern theory. In this model, the double layer is composed by the
Inner Helmholtz Plane (IHP), containing less solvated species and adsorbates, and
the Outer Helmholtz Plane (OHP), containing fully solvated cations, which together
form the Stern layer. Beyond the OHP, there are concentration gradients of the
species in solution, in the region called the Gouy-Chapman diffuse layer. The charge
distribution of ions as a function of distance from the metal surface, leads to a steep
decrease of the electric potential extending from the electrode surface towards the
bulk of the solution. The properties and composition of the electrical double layer
are a function of the applied potential, the concentration and nature of the species
in solution, the electrode material and reactions taking place, and can highly
influence the electrocatalytic reaction.

There are different aspects of the electrode-electrolyte interface to be
considered for electrocatalysis, various of which will be discussed throughout this
thesis. For instance, as water participates in diverse electrochemical reactions, it is
important to understand how water interacts with the surface and with the
dissolved ions. Also, the degree of hydration of a cation, may dictate its
concentration at the OHP, how it interacts with reaction intermediates and how it
accumulates at the interface. Another important point is the dependence of the
activity and selectivity of reactions on the electrolyte bulk pH. Because of that, pH
gradients that may develop during a reaction that produces/consumes protons or
OH- also must be considered. All these different aspects, even though only briefly
mentioned here, illustrate the complexity of the electrochemical interface.
Decoupling the effects that the different electrolyte properties have on a reaction,
is key towards optimizing the process and understanding underlying reaction
mechanisms.
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Fig. 1.2. Schematic representation of the electrode-electrolyte interface. Gray circles
represent water molecules, and the arrows point towards the positive part of the dipole.
Cations are represented in red and anions in green.

1.4 CO, electroreduction

1.4.1 Closing the carbon cycle

The first reports of the electrochemical reduction of CO, come from the
19t century®, and investigations have been intensified after the pioneering works
from Hori, Murata and co-workers in the 1980s.1%1? But why to reduce CO,? The
answer is simple: because it is an abundant carbon source, processing it
electrochemically does not harm the environment, and may help lowering the
carbon footprint of processes. We need carbon-containing species to make fuels,
chemicals, consumables, and currently we obtain this carbon mainly from processes
involving fossil resources. The burning of these fossil resources produces a lot of
CO,, which is currently released into the atmosphere and contributes to climate
change. In 2020, the global emissions of CO, reached 31.5 Gt, compared to values
below 3 Gt/year before 1900.13 Two thirds of the emitted CO, come from the energy
sector, and the rest comes from agriculture, land use, and industries. The main goal
is, of course, to stop relying on processes that emit CO,, through electrification of
the industry. Still, in cases where this is inevitable in the short term, the
electrochemical CO,RR is a way to reduce the carbon footprint of a process. In the
future, CO,RR may also help in storing excess renewable electricity in valuable
products.
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If instead of releasing it into the atmosphere, CO; is captured and utilized, it
may provide the means to close the carbon cycle. Of course, at long-
term, considering we will use less fossil resources and have less CO, waste
from the energy sector, CO, would likely have to come from biomass processing
or harvested from air, to achieve climate benefits. Also, CO,-derived products that
have a long lifetime (as building materials), offer larger emission reduction
possibilities than products that ultimately involve the release of CO, into the
atmosphere (as fuels). These, and other considerations, are of course required to
access the applicability of CO, electroreduction, and are important for achieving
a "circular economy"; a popular term nowadays which represents the idea
that (carbon) waste is transformed into a fuel or building block. Such a
cycle involving CO,RR is exemplified in the schematics of Fig. 1.3. Ideally,
energy from the sun and wind is converted into electricity, which powers a CO,
electrolyser as the one showed in Fig. 1.1. The products from CO,RR can serve as
building blocks for the chemical and fuel industries, which in turn, currently emit
CO,. The CO; emissions can be captured and used as input to the electrolyser,
leading to a net zero-emissions carbon cycle.

1.4.2 CO, reduction to CO

On gold, silver and zinc electrodes, CO,RR yields mainly carbon
monoxide (CO), while on Sn, Pb, Tl, Hg, In, and Cd mainly HCOOH (formic acid) is
formed.’> On copper, hydrocarbons and alcohols can be formed, such as
ethylene and ethanol.!® In this thesis, we focus on CO, reduction to CO on gold
electrodes, as a model reaction to understand processes taking place at the
electrode-electrolyte interface. The standard equilibrium potential to form
most CO,RR products, is similar to that to form H, from hydronium or water
in aqueous electrolytes.!” Therefore, the electrochemical reduction of CO, to CO
(Eg. 1.4) usually competes with the hydrogen evolution reaction (HER). In acidic
media, proton reduction is the main branch of HER taking place (Eg. 1.5), while in
neutral to alkaline media water reduction prevails (Eq. 1.6).

CO; + HO + 267 — CO + 20H- Eq. 14
2H* + 2e- — H, Eqg. 1.5
2H,0 + 2e~ — H, + 20H- Eqg. 1.6

Most fundamental research focuses on developing new catalysts to improve
the reaction activity, selectivity and stability. Only recently, more attention has been
given to optimizing the electrolyte composition!?, and to better understanding its
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added products for the chemicals and fuels industries, using energy from renewable sources.
CO; captured from the emissions of these industries, enters the process again, closing the
carbon cycle.

actual role on the reaction, which is also the focus of this thesis. Water is the most
common solvent used, as it is easy to handle, safe, chemically stable, and
compatible with most systems. Additionally, water can act both as proton donor
and acceptor to facilitate the electrochemical reactions. Early studies on the effect
of different anions and cations on the CO, reduction reaction, already showed that
the species in the electrolyte are not mere spectators and can significantly steer the
reaction activity and selectivity.!® To date, the most reported electrolytes for CO;
reduction are aqueous solutions of potassium bicarbonate (KHCO3), due to their
high buffer capacity and low price. Acidic media have usually been avoided, due to
the fast kinetics of the competing proton reduction reaction (Eq. 1.4). However, we
will show in this thesis that it can also be employed for efficiently running CO,
reduction to CO. Even though CO; electrocatalysis is still a growing field, right now,
electrolysers for the conversion of CO, to CO, for example, are reaching the pilot
scale and are on the route towards commercialization.?>-?2 This means that in the
coming years, research efforts will continue to grow towards optimizing CO,
electrolysers, and making the process more competitive.

If successfully employed at large scale, electrochemical CO, conversion and
storage technologies have the potential to, for example, enable the sustainable
production of chemicals on demand. Traditionally, CO is produced in large,
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centralized plants, though e.g, gasification of coal or steam reforming. The
transportation of the CO produced is expensive, as it must be pressurised and is a
hazardous chemical. As of now, producing CO electrochemically at comparable
scales is more expensive than e.g., via steam reforming. However, alternatively,
producing CO in small decentralized electrochemical plants could allow for CO to
be produced on site, according to the need. This would cut the costs of
transportation and storage, make the process more competitive and improve
safety.

1.5 H, evolution

Understanding the competing HER is relevant for improving the selectivity of
the CO; reduction reaction. However, on its own, HER is extremely important, as the
cathode reaction taking place in water electrolysers. As discussed in Section 1.1,
hydrogen produced from renewable energy via electrolysis, has a crucial role in the
global energy transition, as a clean, storable and transportable fuel.?*> There are
currently three main types of low-temperature processes to make H;
electrochemically, including alkaline electrolysis (AE), proton exchange membrane
(PEM) electrolysis and anion exchange membrane (AEM) electrolysis (also known as
alkaline PEM).?* Low-temperature electrolysers are available on the market, in fact,
AE have already been used for over 100 years, and account for most of the installed
capacity worldwide. PEM electrolysers have been commercialized since the
beginning of the 215 century, while AEM electrolysers have only recently appeared
on the market. Still, the fundamental material and electrolyte properties that
determine catalytic activity for the HER are not yet fully understood.?> Fundamental
research is still required in order to increase the efficiency of the electrolyser system
as a whole, along with its operating life, power density and stack size, with the
eventual goal of reducing costs. Mechanistic aspects of HER and further details are
discussed in Chapters 9 and 10.

1.6 Multiscale approach

Throughout this thesis, we study both the fundamental and more applied
aspects of electrocatalysis, or a combination thereof. On the fundamental side,
electrode processes at the meso scale are mainly studied through stationary and
rotating disc voltammetry. In this case, a defined portion of the working electrode
area is put in contact with the electrolyte, and the current response as a function
of potential is recorded. In stationary experiments, electrode reactions may face

10
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mass transport limitations. Rotation is then used to minimize that and better
control the flux of species from or towards the electrode. Going to the
micro scale, investigations are carried out /n situ, under operando conditions,
using Scanning Electrochemical Microscopy (SECM); and ex situ using
Scanning Electron Microscopy (SEM) coupled with Energy Dispersive X-Ray
Spectroscopy (EDX). In SECM, a microelectrode is positioned a few
micrometres in the proximity of a second electrode, where for instance a
reaction is taking place. This microelectrode is used to monitor a variety of
electrochemical signals, which in this thesis comprised of the local pH and the
presence of H, and CO in the diffusion layer. SEM and EDX are techniques used
before and after the electrochemical measurements, in which a focused electron
beam interacts with the sample, allowing for assessing the topography and
composition of the surface. At the nano scale, the electrode-electrolyte interface
is modelled in this thesis using Ab Initio Molecular Dynamics (AIMD) and Density
Functional Theory (DFT) through collaborations with ICIQ, the Institute of
Chemical Research of Catalonia. We specifically look at the interaction of
cations with the electrode surface, water molecules and reaction
intermediates. On the more applied side, at the macro scale, we investigate
CO; electrolysis using 10 cm? gas diffusion electrodes (GDEs). These are porous
structures, that allow for CO, to be fed on one side of the structure, and
the electrolyte on the other. All the reactants meet at the catalytic sites embedded
in this porous structure, overcoming mass transport limitations that one would
have using conventional flat electrodes. Finally, experiments involving the
different scales are also conducted, combining for instance SECM and GDEs, in
order to elucidate questions that one technique alone cannot answer.

1.7 Outline of this thesis

The main goal of this thesis is to study different aspects of processes taking
place at the electrode-electrolyte interface and their consequences on
the electrocatalysis of CO, reduction and H, evolution. Chapter 2 provides an
overview of methods available to measure the local pH during electrochemical
processes, and highlights SECM as a powerful and versatile technique. Chapter
3 describes the development of a new voltammetric pH sensor, that allows for
measurements with high time resolution, high sensitivity, and selectivity. This is
demonstrated by measuring the local pH during HER /n situ, under operando
conditions, using SECM. The sensor developed in Chapter 3, is used in Chapter 4
to study the homogeneous reactions taking place in the diffusion layer during

11
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CO;RR, also using SECM. In Chapter 5, we combine measurements made with
two different SECM probes, namely the voltammetric pH sensor from Chapter 3
and a Pt ultramicroelectrode, to understand the voltammetry of CO oxidation.
We find a correlation between voltammetric features and the local pH, which arise
from the reaction being limited by different species diffusing towards the surface.
In Chapter 6, we carry out local pH measurements during HER under well-defined
mass transport conditions. This is done by using a Rotating Ring-Disc
electrode (RRDE) in which the ring is functionalized with the pH sensor from
Chapter 3.

In Chapter 7, the effect of contamination of gold electrodes due to
polishing is investigated. We show that AP* cations released from contaminating
alumina polishing particles at the gold surface promote H,O reduction. In Chapter
8, we elucidate the role of cations on CO,RR using cyclic voltammetry and SECM.
We show that this reaction does not take place on gold, copper and silver
electrodes without a metal cation in the electrolyte. In combination with DFT and
AIMD, the results explain the activity trends for CO formation as a function of
alkali cation species, and allow proposing a new mechanism for CO,RR. In
Chapter 9, we broaden this study and investigate the effect of multivalent cations
on CO,RR and HER. Here, we describe how cation properties such as acidity and
hydration energy determine the activity for the two competing reactions at
low and high overpotentials. In Chapter 10, we look into the nature of
differences in cation trends for HER on platinum and gold electrodes. On
platinum, weakly hydrated cations inhibit HER in alkaline media, while on gold
these species can either promote or hinder the reaction, depending on their local
concentration at the reaction interface.

In Chapter 11, we scale up the experiments from Chapter 8, and investigate
the feasibility of performing CO,RR to CO in acidic media at more industrially
relevant conditions. Using 10 cm? gold GDEs with different loadings, we show that
up to 90% selectivity for CO can be achieved at high operating currents, and that
running the reaction in acidic media leads to a 30% improvement in the energy
efficiency. However, here, we cannot draw clear trends regarding the catalyst
loading. Therefore, in Chapter 12, we use SECM to probe the effect of catalyst
loading and CO, pressure on the local activity of gold GDEs. We find a slight
increase in activity going from low to high loading, but that most CO produced
comes from local hot spots, where CO, can easily access the catalyst particles.
These hot spots are more abundant at high CO, pressures, given that there are
enough catalyst particles accessible to form the 3-phase reaction boundary.
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Chapter 2

Abstract

Localized pH measurements are important in various areas of electrochemistry,
from corrosion to bio-electrochemistry and electrocatalysis. Different techniques
are available to perform these measurements and offer numerous possibilities in
terms of spatial and temporal resolution, sensitivity, and precision. In this brief
review we present the recent progress made and summarize the main techniques
available for localized pH measurements in electrochemistry such as scanning
probe techniques (SECM, SICM, SIET), laser (confocal) fluorescence microscopy,
rotating ring-disc electrode (RRDE) voltammetry, and infra-red spectroscopy,
among others.
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2.1 Introduction

The concept of pH as we know it today dates back to 1909 when Sgrensen
introduced the pH scale as a way to express the concentration of hydrogen ions.}
In electrochemistry, the local concentration of protons in solution plays a significant
role in reactions of different fields and is a function of the substrate geometry, the
current density, mass transport, and the buffer capacity of the electrolyte. Corrosion
via anodic oxidation is usually associated with metal dissolution and hydrolysis, thus
locally producing protons.? Various biological processes cause intra- or extracellular
pH changes and the quantification of these pH changes can help to understand the
associated mechanisms.®> Numerous electrocatalytic processes such as O,
evolution or CO, reduction, that consume or produce H* or OH-, generate a
pH gradient between the working electrode (substrate) and the bulk of the
electrolyte* In all these applications, measuring the pH locally and with high
sensitivity is desired to better understand the electrochemical processes involved.

Shortly after the invention of the glass pH electrode, scientists started putting
efforts towards its miniaturization to perform what one could consider the first
localized pH measurement ever reported: pH of arterial blood flowing through a
small cannula in the cortex of a monkey.® It was already concluded at that time, that
producing miniaturized pH probes “is quite possible, with practice”. Since then,
electrochemists have invested significant efforts to develop not only new probes
but also new techniques to measure pH locally with high spatial and temporal
resolution. Here, we give an overview of those developments, together with a brief
discussion of their advantages, drawbacks, and applicability. The techniques can be
divided into direct and indirect methods to measure pH, namely techniques in
which the signal monitored is the proton concentration by measuring its
electrochemical potential (scanning probe microscopy, rotating ring-disc electrode)
or techniques that probe species, whose signal is a function of the proton
concentration (fluorescence and infrared intensities). Localized pH measurements
can help to elucidate reaction mechanisms and assist in the deconvolution of pH
effects from other electrolyte or structural surface effects. The rate at which the pH
changes can also help understanding the stability of a certain substrate, to probe
mass transport phenomena or reactivity. Spatial resolution, temporal resolution,
and sensitivity will dictate which of these system properties can be captured by the
different methods.
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2.2 Scanning probe techniques: SECM, SICM, and SIET

Scanning probe microscopy (SPM) techniques used for pH measurements
usually consist of monitoring the electrochemical signal of a miniaturized tip
(ultramicroelectrode or nanoelectrode) while the tip is moved above a substrate.
High spatial resolution can be achieved in three dimensions (XYZ) and is limited by
the size and geometry of the tip, taking into account the radial diffusion profile
towards ultramicroelectrodes (UMEs). The spatial resolution can be improved and
the shielding can be minimized by miniaturizing the pH sensor and the insulating
layer around it. Temporal resolution, precision, selectivity, and stability, on the other
hand, are highly dependent on the nature of the pH sensor. In the next sections we
discuss the main SPM techniques used to probe pH locally in electrochemistry,
namely: Scanning Electrochemical Microscopy (SECM), Scanning Ion-selective
Electrode Technique (SIET) and Scanning Ion Conductance Microscopy (SICM).

2.2.1 SECM

Among the different SPM techniques, SECM is the most employed to probe
local pH. Normally, the tip is made of an inert or metallic material with a pH-
sensitive electrochemical response, surrounded by an insulator. A schematic
representation of an SECM setup is shown in Fig. 2.1a. Local pH measurements have
been performed using either potentiometric or voltammetric sensors.
Potentiometric pH probes consist of substrates whose open circuit potential shows
a Nernstian (59 mV/pH) or super-Nernstian (> 59 mV/pH) shift as a function of pH.
They are mainly based on metals, metal/metal oxides (TiO,, RuO,, RhO,, Ta,0s, IrO,,
PtO,, and ZrO,)® or electrodeposited polymer films.” Among these, IrO, is the most
popular substrate. Tefashe et al. used a Pt/IrO, probe to measure pH during
localized corrosion of AZ31B magnesium alloy electrochemically coated with
poly(3,4-ethylenedioxythiophene) (PEDOT).2 The pH map obtained after 30 min
immersion in 0.01 M NaCl can be seen in Fig. 2.1b, recorded with the pH probe
positioned 10 um from the surface. Other metal supports can also be used, as seen
in the work of Santos and co-workers®, where pH above a copper surface during
nitrate reduction was measured with a Au/IrO; probe. Polymer films have also been
used as potentiometric sensors. The most popular is polyaniline (PANI) due to its
high conductivity and ease of synthesis. Recently Song et al. reported the use of a
PANI coated Pt ultramicroelectrode to monitor the extracellular pH of MCF-7 cells
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Fig. 2.1. a) Schematic representation of a scanning probe setup, b) pH map of uncoated and
PEDOT-coated AZ31B Mg alloy after 30 min in 0.01 M NaCl, measured with a Pt/IrOx
microprobe operated in constant height potentiometric mode of SECM. Adapted from Ref.

Sul bstrate

8. ¢) pH map during oxygen reduction on a 10 pm diameter Pt disc recorded with a
voltammetric pH nanosensor made of a syringaldazine polymeric film. Adapted with
permission from Ref. 15. Copyright (2015) American Chemical Society.

under electrical stimulation.® The main advantage of potentiometric pH sensors, in
general, is their easy manufacturing, which facilitates their miniaturization.
However, the fact that the pH response comes from the interaction of protons in
solution with a solid-state film, means that potentiometric pH sensors have a
relatively long response time of usually a few seconds, which can change as a
function of pH.!* The overall performance is also highly affected by the quality and
thickness of the film. The synthesis of potentiometric pH sensors usually does not
involve complicated steps and is often done via electrodeposition. Although there
is an extensive list of synthesis protocols reported in literature!?, the success rate,
even when following a well-established recipe, is known to be low. Potential drift
can also prevent direct pH determination from the initial calibration curve and often
requires recalibration.’® Besides, the potential gradient across the interface being
studied can potentially affect the open circuit potential recorded at the tip. The
mentioned drawbacks can lead to strong deviations in the measurements
(especially when pH maps are being constructed) and require a systematic data
processing protocol.
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Fig. 2.2. a) Image of the shifts in the reduction peak potential of a Pt nanoelectrode during
oxygen reduction at a Ag-based gas diffusion electrode. Each grid point was measured at 1
pm tip-surface distance utilizing shear force constant distance mode SECM. Adapted with
permission from Ref. 14. Copyright (2018) Wiley-VCH Verlag GmbH & Co. KGaA. b) Buffering
effect during CO; reduction measured with a voltammetric pH sensor based on a gold UME
functionalized with a 4-NTP self-assembled monolayer (Chapter 4). c¢) Z-directional pH
profile recorded with a glass capillary filled with an ion-selective cocktail, from 50 pm above
the S. mutans biofilm to 1000 um in the bulk solution after addition of 30 mM sucrose in
artificial saliva (pH 6.0). Adapted with permission from Ref. 23. Copyright (2017) American
Chemical Society.

Alternatively, SECM voltammetric pH sensors can be employed. They are
based on the current-potential response of a certain redox reaction (upon cycling)
and the pH is determined by the Nernstian shift of the reduction or oxidation
midpeak potential. Voltammetric probes have the major advantage that the
response time is only dependent on the time required to record a cyclic
voltammogram and can easily be tuned. Michalak et al. have probed pH during ORR
using a voltammetric pH nanosensor based on a syringaldazine film. The pH map
obtained above a Pt-UME is shown in Fig. 2.1c.}* The same type of sensor was also
successfully applied to monitor the extracellular pH of adherently growing
mammalian cells.> As syringaldazine is electropolymerized on a substrate, the
influence of film thickness and stability on the pH response is still a concern. Botz
et al. used the PtO reduction voltammetry to also successfully probe pH during
oxygen reduction (ORR) over a silver gas diffusion electrode as can be seen in Fig.
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2.2a.1% Although a Pt-UME is suitable to probe the high alkalinity developed during
ORR, unfortunately, it cannot be easily applied to other systems, as the Pt response
is not exclusively selective to pH. We have recently presented a pH sensor that
overcomes film and selectivity limitations, based on a self-assembled monolayer of
4-nitrothiophenol (4-NTP) on a Au-UME (Chapter 3 of this thesis).!” The sensor is
extremely sensitive, capturing differences as small as 0.1 pH units and is stable and
selective in diverse electrolytes and under different gaseous atmospheres. This
enables, for instance, pH measurements during CO, reduction on gold using SECM,
as shown in Fig. 2.2b (Chapter 4 of this thesis).®* We have recently also successfully
employed our Au-UME/4-NTP pH sensor to better understand CO bulk
electrooxidation in the CO; reduction reaction environment, through combined
SECM measurements (Chapter 5 of this thesis).’

For mapping pH with high resolution above a substrate, pH sensors must be
positioned accurately in solution at a controlled distance from the surface of
interest. Commonly used SECM approach techniques need a mediator or a
diffusion-limited reaction taking place at the tip to determine the tip-to-sample
distance. However, not all pH sensors allow for diffusion-controlled feedback, as
not always current can be drawn without destabilizing the tip response. The
development of double-barrelled UMEs or dual probes overcomes positioning
issues allowing for diffusion-controlled feedback, using the amperometric side of
the tip, while carrying out pH measurements with the other side.!®?° Other (more
refined) distance control feedback systems employ shear-force??, introduced by the
group of Schuhmann, or alternating current-SECM (AC-SECM)?2. We have also
recently presented the application of a capacitive approach, performed in air, to
determine the tip-to-surface distance without destabilizing the pH sensor.’” The
intricacies and applicability of commonly used distance control methods are well
discussed in the book of Bard and Mirkin.?

2.2.2 Scanning lon-selective Electrode (SIET)

SIET is a technique very similar to SECM, albeit employing potentiometric pH
sensors that consist of a liquid ion-selective membrane enclosed in a (pulled)
micro- or nanopipette. Different proton selective cocktails have been reported
and many are commercially available (Fluka, Selectophore®). Joshi et al. reported
the use of a H* selective cocktail to map the pH of the microenvironment produced
by the lactate-producing S. mutans biofilm. Fig. 2.2c shows a profile in Z-direction
of the pH monitored 950 um across the diffusion layer.?* The dynamic pH range of
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these probes is usually limited so they are mostly used for measurements in the
physiologically relevant pH range, or in corrosion processes where the pH changes
are not too drastic.>?” The main drawbacks here are similar to those discussed for
the potentiometric SECM probes, i.e. slow time response (limiting the scanning
speed that can be used when imaging pH), fouling, and damage to the ion-selective
electrode. Additionally, manufacturing requires expertise. New fabrication
procedures have been reported to improve the response time by decreasing the
electrode resistance. However, to date, no pH measurements have been reported
with these improved probes.?®

2.2.3 Scanning lon Conductance Microscopy (SICM)

SICM is another powerful technique that has been used to perform pH
measurements. In standard SICM, the scanning probe is a pulled nanopipette that
is filled with an electrolyte containing a quasi-reference counter electrode (e.g.
Ag/AgCl). Distance control is obtained by applying a potential between the tip and
an external quasi-reference counter electrode placed in the bulk electrolyte which
generates an ionic conductance current (feedback signal). To perform pH
measurements with SICM, double-barrel SICM-SECM pipettes are used, which allow
for simultaneously controlling the position of the electrode with high spatial
resolution and measuring the pH locally.

A schematic representation of a SICM experimental setup is shown in Fig.
2.3a. Here, a zwitterionic label-free nanoprobe was combined with SICM in a
double-barrelled nanopipette to probe the topography and pH of single living
cancer cells, with 50 nm spatial resolution.?® Fig. 2.3b shows the simultaneously
obtained fluorescence image, SICM topography, and pH distribution of a group of
low-buffered breast cancer MCF7 cells in an estradiol-deprived medium. Despite
the remarkable results, the zwitterionic pH probe response is only linear in a narrow
pH range between 5 and 8, making it mainly applicable to biological systems. Other
(more robust) pH sensing substrates, on the other hand, allow for pH measurements
in a wider pH range. Nadappuram et al.3° used nanoscale double-barrelled pipettes
with IrO, for pH measurements and a SICM barrel for distance control. The probe
was used to map the topography and pH of a calcite microcrystal. The maps
obtained with a 10 pm lateral resolution can be seen in Fig. 2.3¢c, where they are
compared to an optical image of the microcrystal. Polymeric pH sensors have also
been used in combination with SICM, as reported in the work of Morris et al.3!, who
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Fig. 2.3. a) Schematic representation of the operation of double-barrel nanopipettes for

simultaneous SICM imaging and pH measurement and b) fluorescence and SICM imaging
of a group of low-buffered CD44CFP-hish breast cancer MCF7 cells in estradiol-deprived
medium (-E2), together with a high resolution pH map, all simultaneously obtained from a
single scan. Adapted from Ref. 28. ¢) Optical micrograph of a calcite microcrystal compared
to a simultaneously recorded SICM topography image and pH map measured 100 nm from
the microcrystal (bulk pH 6.85). Adapted with permission from Ref. 29. Copyright (2013)
American Chemical Society.
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used a Au/PANi barrel to measure pH in porous membranes. While SECM pH
probes are employed with or without positional feedback (depending on the
probe’s size and the nature of the substrate), positioning control is intrinsic of
SICM, which makes it, combined with other techniques as SECM and
fluorescence, a powerful tool for obtaining detailed information of the
electrochemical interface. Similar to SIET, fabrication of the probes requires
expertise.

2.3 Rotating Ring-Disc Electrode

Measuring pH under well-defined mass transport conditions using a Rotating
Ring-Disc Electrode (RRDE) system was introduced by Albery and Calvo® and since
then mainly employed to probe electrocatalytic reactions. The operation principle is
similar to SECM in the sense that an electrode is used to measure pH. In the RRDE
system, a shaft is connected to a rotator and the cross-section of the shaft contains
two working electrodes, a disc electrode surrounded by a thin ring electrode. The ring
is used to probe the flux of species coming from the disc with a certain
collection (or detection, depending on the pH sensor used) efficiency that will
depend on the electrode’s dimensions (radius, spacing). Initially, mainly bare Pt was
used as ring material, however, that limits the number of systems that can be
investigated as Pt is not a very selective H* sensor. In later work, the ring was
modified with a potentiometric pH sensing layer, as IrO,, which allows the use of the
technique to probe a larger variety of systems, as shown in Fig. 24a. With the
electrode shown in Fig. 2.4a, Zimer et al.3 investigated the influence of rotation rate on
the steady-state water reduction on copper. Results from Fig. 2.4b show the pH
measured by the ring as a function of the rotation rate and indicate that a steady-state
is achieved at rotation rates over 1200 rpm. RRDE has been employed to study other
reactions as hydrogen oxidation3, CO, reduction®>, oxygen reduction®, and ethanol
oxidation.3” Additionally, it has also been used to probe electrodeposition processes, as
nickel electrodeposition.®® The main advantage of using a RRDE is that it is one of the
few techniques that allows for the measurement of pH under defined mass transport
conditions. On the other hand, the measurements are not spatially resolved in XY (as it
probes the flux of species coming from the whole disc surface). The resolution in Z is
limited and is a function of the rotation speed. It can be obtained by modelling of
the system. Additionally, the time resolution to fully capture the process taking
place at the disc is dependent on the time response of the pH sensor used. In Chapter
6 of this thesis, we show the application of the pH
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Fig. 2.4. a) Schematic representation of an RRDE pH sensor and b) measurements
performed with it during water reduction on copper at different rotation rates. Adapted
with permission from Ref. 32. Copyright (2015 Elsevier B.V. «¢) Schematic
representation of a single compartment electrochemical cell coupled with a laser
scanning confocal microscope, d) chemical structure of the LysoSensor Green DND-189
dye together with its normalized fluorescence response in phosphate buffer from pH 4 to
7, e) pH distribution at the anode and cathode during electrocoagulation, after a current
density of 2 mA cm2 is applied for 60 s. Figures ¢, d and e are adapted from Ref. 46.
Copyright (2019) Wiley VCH Verlag GmbH & Co. KGaA.
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sensor developed in Chapter 3 to RRDE, allowing for measurements with high
sensitivity and temporal resolution.

2.4 Optical techniques

Various methods can be used to probe proton concentration gradients
locally by using the optical properties of (electro)generated or consumed species,
fluorescence being the most popular. In general, the measured optical property can
be absorption or fluorescence intensity, decay time, reflectance, refractive index,
light scattering, or light polarization.?® We have selected fluorescence, infrared and
Raman spectroscopy to briefly discuss here.

2.4.1 Fluorescence microscopy

Fluorescence has been widely used to indirectly measure pH in
electrochemical systems. The most employed strategy is to add a pH-sensitive
fluorophore to the electrolyte. The protons or OH" produced/consumed by an
electrochemical process can modulate the signal of the species in solution, which is
captured using a fluorescence microscope. The workable pH range is determined
by the pK, of the fluorophores used. It is a versatile technique, that can be adapted
to numerous electrochemical systems. The classic wide-field illumination setup
allows for in situ mappings of pH in X- and Y-directions.*4! Although it has been
used to record 2D pH images of different electrochemical systems, its well-known
major drawback is the large signal contribution of out-of-focus light. The use of
confocal laser scanning microscopy (CLSM) can overcome that by using a spatial
pinhole to eliminate the out-of-focus light contribution to the image formation. It
allows for mapping pH in 3D, by stacking 2D images acquired sequentially at
different positions on the Z-axis. Pioneer contributions were made by the group of
Unwin, demonstrating that 3D fluorescence maps can provide quantitative imaging
of pH profiles during water reduction on Pt-UMEs.*?43 CLSM has been successfully
applied to measure pH in the fields of bioelectrochemistry**4>, electrosynthesis?,
electrocatalysis*’“8, and the development of new dyes for expanding the workable
pH range and stability can broaden its use even more.** Recently, the work of
Fuladpanjeh-Hojaghan et al.® presented an electrochemical cell coupled with a
laser scanning confocal microscope able to perform quantitative pH mapping under
operando conditions during electrocoagulation (Fig. 2.4c). Two aluminium plates
are used as cathode and anode and a combination of pH-sensitive fluorescent dyes
with different pK, allows for pH detection in a range from 1.5 to 8.5. An example of
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the dye response upon a change in pH is shown in Fig. 2.4d for the LysoSensor
Green DND-189 (LSG, pK, 5.2). pH maps under operando conditions were obtained
from the cathode and anode side and an example is shown in Fig. 2.4e, which is an
image taken after 60 seconds of polarization. The anodic reaction causes
aluminium dissolution and consequently aluminium cation hydrolysis, leading to
acidification near the electrode surface. On the cathode side, the water
reduction reaction generates a more alkaline pH near the surface. A setup for
performing time-resolved CLSM pH measurements has also been recently
introduced by Pande et al.>® Fluorescein was used as a pH-sensitive fluorophore,
to study the diffusion layer during ORR on platinum and the effect of sulfate
buffering on the pH profiles. The results of a time-dependent numerical model
give good agreement with the experimental data.

One of the main advantages of CLSM is that, differently from SPM
techniques, it enables one to probe an entire macroscopic sample in real-time with
high spatial resolution. Although pH maps can be obtained relatively quickly, the
need of adding a fluorophore to the electrolyte is a drawback as it may affect the
electrochemical process being studied. In general, the resolution limit of pH
measurements using fluorescence falls into the diffraction limit of conventional
light microscopes (~250 nm, considering the wavelength of green light and a
numerical aperture of 1), unless a super-resolution microscopy technique is used,
e.g. Stimulated Emission Depletion (STED), where pH measurements in a living cell
have been performed with a resolution down to 20 nm.>! This and other super-
resolution techniques have been mainly used to probe biological substrates. Their
application to other electrochemical systems is not straightforward and sometimes
not possible due to the lack of stability of the pH sensing molecules.

2.4.2 Other optical techniques

pH measurements at the electrochemical interface during CO, reduction
have recently been reported using surface-enhanced infrared absorption
spectroscopy (SEIRAS).>2->* The signal intensity of species that compose a buffer
system, such as CO,/HCO;~ or H,PO,/HPO4*/PO,*, is monitored. Using the
equilibrium equations, the average proton concentration at the interface can be
indirectly derived from the ratio of the signal of these species. Valuable information
can be obtained regarding the species in solution only a few nanometers from the
electrode surface in the Z direction, averaged over a large portion of the surface in
XY. These measurements do not provide spatial resolution and require IR active
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Measuring local pH in electrochemistry

species in the electrolyte. Similarly to the dyes used in fluorescence, the pK, of these
species in equilibrium will dictate the pH range that can be measured. Raman
Spectroscopy has also been used to probe pH.>> Wei et al. developed pH
nanoprobes based on plasmonic gold nanoparticles functionalized with a pH-
sensitive amine or carboxylic acid. The nanoprobes were used to detect the
intracellular pH of PC-3 cancer cells®® and the pH gradients within phosphate-
buffered aerosol microdroplets with a lateral resolution of 5 ym.>” The technique is
powerful to investigate micro-environments, however, can only be applied to
specific systems where the addition of the signal enhancing pH-sensitive particles
is feasible. Differently than in SPM, the resolution that can be achieved in pH
measurements performed with optical techniques is defined by the operating
system and not by the size of the pH probe.

2.5 Final considerations

Having discussed the main techniques that can be used to measure pH in
electrochemistry, we have grouped a few examples in Table 2.1 to provide a general
overview of the methods available, the pH range that can be measured, and the
kind of systems that can be investigated with each technique. To conclude, we
highlight the following:

e The main advantages of SPM for performing localized pH measurements
are the high spatial resolution in X-Y-Z that can be achieved, and the
versatility in terms of the sample, probes, and modes available, to be
chosen according to the application. A wide pH range can be studied with
a series of established potentiometric and voltammetric sensors.
Voltammetric sensors are especially interesting, due to the high temporal
resolution that can be achieved. The main disadvantage of SPM is
shielding caused by the probe.>® However, this can be significantly
minimized by the use of nanopipettes. Additionally, these contributions
can be simulated and accounted for with finite element models.

e Optical methods have the great advantage of being non-invasive
techniques, and the use of a confocal laser microscope allows for
achieving spatial resolutions comparable to SPM techniques. However,
altering the electrolyte composition by the addition of a fluorophore is a
major drawback. Additionally, the operational pH range is usually limited
by the pK, of the pH-sensitive species.
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e Infrared and Raman spectroscopy can be powerful tools to probe small
volumes of the electrochemical interface, although the spatial resolution
in Z cannot be tuned and the XY resolution is limited by the beam size.

e Combining SPM and optical techniques can be highly effective to obtain
detailed information about complex electrochemical systems, see e.g.
SECM-SICM3°, SECM-fluorescence®®, SECM-infrared.®®

e RRDE pH measurements are especially interesting for mechanistic studies
as the defined mass transport control of the system allows for a more
precise modeling of the reaction interface. On the other hand, the
measurements are not spatially resolved and represent an average
response of the whole working electrode.

There has been intensive development of methods for measuring pH in
electrochemistry lately. Knowing precisely the research questions that need answers
is key for defining the most suitable technique to investigate a given system. We
believe the combined knowledge obtained through the different techniques
discussed here, can enable a deeper understanding of complex electrochemical
systems.
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Chapter 3

Abstract

Probing pH gradients during electrochemical reactions is important to better
understand reaction mechanisms and to separate the influence of pH and pH
gradients from intrinsic electrolyte effects. Here, we develop a pH sensor and
measure pH changes in the diffusion layer during hydrogen evolution as a model
system. The probe was synthesized by functionalizing a gold ultramicroelectrode
with a self-assembled monolayer of 4-nitrothiophenol (4-NTP) and further
converting it to form a hydroxylaminothiophenol (4-HATP)/4-nitrosothiophenol (4-
NSTP) redox couple. The pH sensing is realized by recording the tip cyclic
voltammetry and monitoring the Nernstian shift of the mid-peak potential. We
employ a capacitive approach technique in our home-built Scanning
Electrochemical Microscope (SECM) setup in which an AC potential is applied to the
sample and the capacitive current generated at the tip is recorded as a function of
distance. This method allows for an approach of the tip to the electrode that is
electrolyte-free and consequently also mediator-free. Hydrogen evolution on gold
in a neutral electrolyte was studied. The pH was measured with the probe at
constant distance from the electrode (ca. 75 um) while the electrode potential was
varied in time. In the non-buffered electrolyte used (0.1 M Li,SOy), even at relatively
low current densities, a pH difference of three units is measured between the
location of the probe and the bulk electrolyte. The time scale of the diffusion layer
transient is captured, due to the high time resolution that can be achieved with this
probe. The sensor has high sensitivity, measuring differences of more than 8 pH
units with a resolution better than 0.1 pH unit.
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3.1 Introduction

The pH affects chemical reactions in a wide variety of systems and pH effects
have been studied in the fields of biology?, medicine3* corrosion®®,
electrocatalysis’, among others. For example, during electrochemical reactions that
consume or produce either protons or hydroxyl ions, a pH gradient is built up in
the diffusion layer. The proton concentration at the electrode-electrolyte interface
is known to influence the kinetics and selectivity of various electrochemical
reactions such as hydrogen evolution8, CO, reduction®® nitrate reduction!!, and
oxygen evolution.’? Measuring the pH near the surface allows to better model
these electrocatalytic processes and to understand their mechanism under
different reaction conditions and in different electrolytes. In order to probe the
diffusion layer, the spatial resolution of the conventional pH glass electrode and
other bulk techniques using optical®®* or colorimetrict* sensors is not high
enough. Instead, local measurements of pH at the micro- and nanoscale can
be achieved with Scanning Electrochemical Microscopy (SECM) where
miniaturized electrodes are used to probe the local properties of an interface.’®
High spatial and temporal resolution of these measurements can be achieved,
which mainly depend on the kind of probe used and the electrochemical signal
monitored. Spectroscopic pH measurements at the micro scale have also been
reported.’®'® However, such measurements do not probe the local proton
concentration directly, can only be used for specific electrodes and
electrocatalytic reactions, and do not provide spatial resolution. Fluorescence
microscopy®?! has also been used to map interfacial pH. Although pH maps
can be obtained relatively quickly, the need of adding a fluorophore to the
electrolyte is a drawback as it may affect the electrochemical process being
studied. Based on the discussion presented here, SECM should be a more
suitable technique to measure the interfacial pH during electrocatalytic reactions.

Different probes have been proposed for conducting local pH measurements
with SECM. Various transition metal oxides show a super Nernstian open circuit
potential (OCP) shift with pH and have been employed as potentiometric pH
sensors. Iridium oxide (IrO,) is the most commonly used?? and several synthesis
methods have been reported such as nanoparticles electrodeposition®, anodic
growth?, and sol-gel synthesis.?> The sensing response relies on the porosity of the
oxide layer; dense oxide films have a slow response to pH changes, while porous
layers show a fast response but with a significant OCP drift.?6 Besides drift, another
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drawback of these probes comes from the adsorption of species on the sensor
surface (contaminants, ions, reaction products) that can lead to a convoluted OCP
response.?’ These limitations can strongly influence how precisely these IrO, pH
sensors capture the local pH gradient during electrochemical reactions. In
addition, oxide dissolution can compromise the use of these probes in highly
acidic or alkaline media?® To overcome these limitations, polymer-based
potentiometric sensors?®® have been proposed, such as polyaniline-coated Au
electrodes®, and carbon electrodes modified with poly(1-naphthylamine)® or
poly-dopamine.3? However, many of these polymer films strongly interact with
alkali metal cations which may lead to a shift in the OCP.3® In addition, the time
response is reported to strongly depend on the quality of the
electropolymerization and film thickness.

Other techniques have also been used to probe the pH near the surface. Ryu
et al. used the pH sensitive reaction of H, with cis-2-butene-1,4-diol to probe the
interfacial pH during concurrent hydrogen oxidation.3* Even though significant
effects were observed as a function of buffer capacity and current density, the
impact of the addition of cis-2-butene-1,4-diol to the electrolyte on the
electrocatalysis cannot be determined and might limit the use of this technique to
probe other reactions. Measurements of local pH have also been performed using
a Rotating Ring-Disc Electrode (RRDE).3>3¢ However, this method is limited in
terms of the electrode materials, reactions to be analyzed and lack spatial
resolution. Voltammetric pH sensors have also been proposed and are interesting
due to their fast response and operation in large pH ranges.>’*° Boltz and co-
workers for instance, used the voltammetry of platinum nanoelectrodes to
monitor the pH above a gas diffusion electrode during oxygen reduction.#
However, platinum can only be used to probe reactions that do not generate
species that strongly interact with the surface, affecting the voltammetry.
Michalak et al. developed nano pH sensors based on the cyclic voltammetry of
syringaldazine polymer films attached to carbon substrates.*? Even though the
sensor works in a large pH range, the stability of polymer films, in general, is
still concerning as film detachment can hinder the pH response.

In this Chapter, we present a pH sensor based on the irreversible self-
assembly of 4-nitrothiophenol on a gold ultramicroelectrode (Au-UME). After
conversion, the hydroxylaminothiophenol/4-nitrosothiophenol redox couple is
formed and its mid-peak potential shows a Nernstian shift of 57 mV/pH. Using
hydrogen evolution as a model system, we perform pH measurements in the
diffusion layer with high reproducibility. Because of the sensitivity of the
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functionalized tip and to avoid possible side-effects from redox-active mediators,
we also introduce an ex situ capacitive approach method to control the absolute
tip-to-sample distance.®® In contrast to potentiometric pH sensors, our probe
provides high time resolution and stable response. In addition, the pH sensitivity is
not affected by electrolyte species or reaction products, which allows for application
in a wide variety of systems (electrocatalytic or not).

3.2 pH sensor synthesis

It has been previously shown how important the surface preparation and
cleanliness of UMEs is for their use in electrocatalysis.** Au-UMEs were
characterized in 0.1 M H,SO, before functionalization (see Fig. A2 in Appendix A) in
order to assure the glass is efficiently sealing the gold wire and that the surface is
clean. Functionalization was performed by immersing the probe in a solution
containing 4-nitrothiophenol (4-NTP). The molecules form a self-assembled
monolayer at the gold surface, binding through the thiol anchor group. The free
nitro group is then partially reduced electrochemically into a hydroxyl amino group
by cycling the tip from 0.1 to -0.25 V vs. Ag/AgCl in 0.1 M H,SO,. The cyclic
voltammogram (CV) of the conversion and a schematic representation of the
species formed are shown in Fig. 3.1a and Fig. 3.1b, respectively.
Hydroxylaminothiophenol (4-HATP) is formed through the transfer of four protons
and four electrons and at positive potentials 4-HATP is reversibly oxidized to 4-
nitrosothiophenol (4-NSTP) through the transfer of two protons and two electrons
(see Fig. 3.1c). Thus, the mid-peak potential of the 4-HATP/4-NSTP redox couple is
expected to show a Nernstian shift with pH.*
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Fig. 3.1. a) Voltammetry (0.1 M H,SO4, 100 mV s71) and schematic representation of the
conversion of b) 4-nitrothiophenol (4-NTP) to 4-hydroxiaminothiophenol (4-HATP), and c)
the two proton-two electron transfer reaction of the redox couple 4-HATP/4-NSTP.

The electrochemical characterization of the reversible redox couple 4-
HATP/4-NSTP in Fig. 3.2a shows that the tip voltammetry is very stable over the 30
cycles performed. It is important to point out that for successful functionalization
of the Au-UME the potential of the tip must be carefully controlled. It has been
previously shown by Touzalin et al.*®  that at potentials lower than -0.25 V vs.
Ag/AgCl (pH = 1) 4-NTP and 4-HATP are fully irreversibly reduced to 4-
aminothiophenol (4-ATP). At potentials higher than 0.6 V vs. Ag/AgCl the
monolayer is destabilized, likely due to polymerization, leading to a decrease in
the 4-HATP/4-NSTP signal intensity (although the exact mechanism is not yet
clear).

To calibrate the pH sensor, the tip voltammetry was recorded in argon
saturated solutions of various pH (see Fig. A.3a in Appendix A). The potential of the
anodic peak as a function of pH was used to construct the calibration curves
depicted in Fig. 3.2b. A linear fit of the data provides the following relationship: pH
= (0.341 — Epea)/0.057 with an R? value of 0.99. The mid-peak potential shows a
Nernstian behavior with a shift of 57 mV per pH unit. As the tip will be used to
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Fig. 3.2. a) Characterization of the electroactive redox couple 4-HATP/4-NATP in 0.1 M
H,SO4 at 200 mVs? and b) calibration of the functionalized Au-UME in 0.1 M Li;SO4
solutions adjusted to different pH and saturated with argon or hydrogen.

probe pH changes during hydrogen evolution, it was also calibrated in hydrogen
atmosphere. As can be seen in Fig. 3.2b, the presence of hydrogen does not affect
the pH response. Even though the calibration curve shown in Fig. 3.2b does not
include pH 7, other calibration curves were made where pH 7 was included and
different from the work of Cobb et al#’ on quinone-based pH electrodes, no
significant deviation of the Nernstian response was found. The latter is probably
related to the different interaction the quinone has with the substrate in comparison
to the 4-nitrothiophenol self-assembled monolayer. In addition, 4-nitrothiophenol
is only partially converted to 4-hydroxiaminothiophenol, and according to Cobb’s
work the lower the coverage of the surface, the lower the deviations.

3.3 Capacitive approach

Commonly used SECM approach techniques need a mediator or a diffusion
limited reaction taking place at the tip in order to determine the tip-to-sample
distance.*® However, these methods are not ideal for our experiment, because they
can contaminate the electrocatalytic system and/or destabilize the self-assembled
monolayer. Furthermore, it has been shown that commonly made assumptions
about the exact tip geometry lead to significant errors in the calculated tip-to-
sample distance.*® In principle, the AC-SECM>%>! approach could be employed,
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although it is not known how stable the self-assembled monolayer is at high
frequencies. Therefore, we have applied an electrolyte-free approach method that
allows determining the absolute tip-to-surface distance without destabilizing the
4-NTP/4-HATP/4-NSTP monolayer. This ex situ method employs the capacitance
between tip and sample and was recently introduced by De Voogd et al. as a pre-
approach for Scanning Tunnelling Microscopy (STM) setups.*?

To enable the determination of the tip-sample capacitance in air, an AC
potential (10 kHz, 1.41 Vgys) is applied to the sample and the resulting tip current
is followed with a preampilifier. The out-of-phase (Y) component of the tip current
is determined using a lock-in amplifier. Fig. 3.3a shows a schematic representation
of the approach configuration. The capacitance can be calculated via:

Y

Crot = ——
tot =™ onfev

Eqg. 3.1
where G is the preamplifier gain and fand V/are the frequency and amplitude of
the reference (sample) signal, respectively. At small tip-to-surface distances (smaller
than ~10% of the tip radius), the tip and sample can be described as a parallel plate
capacitor, of which the capacitance is:

Cpar = 25 Eq. 3.2
where g, is the permittivity of air, A the area (of the tip), and d the tip-to-sample
distance. In practice d = dy— Z, in which Z is the position of the stepper motor
varied during the approach, and dis the absolute surface position. At large tip-to-
surface distances, which is the case during the approach, we find that the system is
better described as a point charge in front of a plate, instead of a pure parallel plate
capacitor. The capacitance is then given by Eq. 3.3, derived from Eq. 3 from Ref. 43.
Here, the very end of the tip is described as a half sphere with radius Resand the
term B accounts for the magnitude of the capacitance in the case where Rz is
assumed to remain constant as a function of d.

Cpoint = _ZT[ReffSo * ln(do - Z) + B Eq 33

Finally, the measured capacitance as a function of the position of the stepper
motor Cit(Z) can be fitted with Eq. 3.4. This allows to obtain the fitting parameter
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dp which is the absolute tip-to-surface distance. The total capacitance contains also
contributions that are inherent to the setup, e.g. due to the tip connection far away
from the sample and the connections used.** These contributions are accounted for
in the terms A>and L.
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Fig. 3.3. a) Capacitive approach configuration and b) approach curve obtained (blue
circles) with its fit using Eq. 3.4 (red line).

Fig. 3.3b shows a measured approach curve together with its fit. This enables
us to approach the surface to a distance well below the tip diameter (here 10-30
pum with a 50 um diameter tip) in a safe and reproducible way. It is important to
point out that the shape of the approach curve is not affected by the probe RG
(radius of the insulating layer divided by the radius of the active layer) which means
that it can be employed in any SECM setup. It should be noted that, due to humidity,
the measured permittivity () differs from the permittivity of dry air (g). In a Kelvin
probe approach, this is known to significantly change the approach curve.>
However, as seen from Eq. 3.4 it is clear that for the capacitive approach only the
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absolute capacitance changes as a function of g, while the shape of the approach
curve remains the same. Finally, we have successfully tested this approach
technique with electrodes of different geometries and dimensions. With the
appropriate electronics, the capacitive approach can also be used for significantly
smaller tips than presented here. However, one should realize that, as the shape of
the approach curve does not depend on the tip diameter, without detailed tip
characterization the accuracy of this method is in the range of 1-3 um.

3.4 Local pH measurements

The functionalized gold pH sensor was used to study hydrogen evolution
(HER) on gold (0.1 M Li;SO4 pH = 3.2) as a model system. Before the pH
measurements were performed, the CV of HER was recorded at the gold substrate,
which is shown in Fig. 3.4. The cathodic current observed is due to the reduction
of protons (2H* + 2e™ = H,). The reaction rate is initially governed by kinetics and
below 0.8 V vs. Ag/AgCl, the reaction becomes diffusion limited. As protons are
consumed at the interface and the diffusion layer thickness increases, a pH gradient
is built up. This can be observed in the CV by the decrease of the cathodic current
from the first to the subsequent cycles due to proton depletion. However,
quantification of the local pH is not possible based on the CV alone. At potentials
more negative than -1.2 V vs. Ag/AgCl and bulk pH, mainly the reduction of water
would take place (2H,0 + 2e™ 2> H; + 20H"). The SECM pH measurements were
performed in the potential range highlighted in the CV, in which in principle mostly
proton reduction is taking place.

SECM pH measurements were carried out with the functionalized Au-UME
placed at fixed distance, 75 + 1 um from the surface. Hydrogen evolution was
turned “on” and “off” at the gold sample while the tip voltammetry was recorded
at a scan rate of 200 mV s™*. An example of the shift observed in the tip voltammetry
can be found in Fig. A.6 in Appendix A. The tip CVs were fitted, and the potential of
the anodic peak determined as a function of time (see Fig. A.7 in Appendix A). The
calibration curve shown in Fig. 3.2b was used to convert the tip peak potentials to
pH. Details on the data fitting can be found in Appendix A. Results depicted in Fig.
3.5a show the pH changes taking place when HER is turned “on” and “off” at the
sample at —0.75 V vs. Ag/AgCl. Each data point corresponds to the mid-peak
potential extracted from each Au-UME CV. At -0.75 V vs. Ag/AgCl, protons are
being consumed at the gold working electrode and the pH has an initial fast
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Fig. 3.4. Cyclic voltammogram of hydrogen evolution taking place at the gold sample in
0.1 M LizSO4 (pH = 3.2) recorded at 100 mV sL.

a) 7'0 T hE T T T ¥ T T b) T T T T T T

i OFF/ 0.4 0
6.5 J/ | I

J »v 1 02 1 -0.2
6.0 w4 ] I

. — 4

] & ] 5 |04
5.5 | S |

1 1 > L -0.6 E

= 204 1 < 02- =

i - > ] L-0.8 —
45 i <

i ® B -0.4 i 10
40 ] oM \.\ - ] i

1 ° 1 -0.6 i
35 ] rd o | _ i
301 " 0.8 14

100 150 200 250 300 350 100 150 200 250 300 350

time /s time /s

Fig. 3.5. @) pH measurement during hydrogen evolution in 0.1 M Li;SOs4 (pH = 3.2) with the
sample at -0.75 V vs. Ag/AgCl; b) chronoamperometry recorded at the sample.
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increase of more than two units and takes 50 seconds to reach a stable value. By
observing the sample chronoamperometry curve (Fig. 3.5b), this is also the time
needed for the current to reach diffusion limitation due to an initially fast increase
in local pH and diffusion layer thickness. At —0.75 V the maximum pH value of 6.3
was reached. This strong pH increase can be explained by the fact that the
electrolyte is not buffered. After 150 seconds, HER is turned "off" and the near-
surface pH returns to the bulk pH value. Similar measurements were previously
performed with an IrO, sensor.>®> Comparing our results with the data presented in
Figure 8 of Ref. 54, it can be seen that our probe captures the time scale of the pH
changes during HER more precisely, allowing for a larger number of data points to
be obtained in time, only dependent on the scan rate at which the tip voltammetry
is recorded. In addition, our pH sensor is more stable, and the response does not
drift in time, which is a common drawback of potentiometric sensors such as IrO,.

Measurements were also performed at less negative sample potentials,
which due to the slower consumption of protons, should lead to lower pH
values than obtained at —0.75 V vs. Ag/AgCl. As depicted in Fig. 3.6 when -0.65 V
vs. Ag/AgCl is applied to the sample, the pH reaches 4.75 and when HER is carried
out at —0.55 V vs. Ag/AgCl only a small increase of less than one pH unit is
observed. The corresponding sample chronoamperometry can be seen in Fig. A4
in Appendix A. To assure reproducibility of the pH response, a second
measurement was performed applying the same negative potentials (black curve
in Fig. 3.6). The same pH values were reached for the same potentials, which also
shows how thermal drift does not compromise the measurements.

Another set of HER experiments was performed where the sample potential
was changed in smaller steps, to demonstrate the sensitivity of the pH probe. The
results can be seen in Fig. 3.7, where the sample potential was varied from -0.6 to —
0.9 V vs. Ag/AgCl in steps of 50 mV. The electrolyte bulk pH was 3 and a gradual
increase in pH can be observed as a function of sample potential, irrespective of
the fact that the potentials are applied in a random order. The sample
chronoamperometry recorded during the experiment can be found in Fig. A.5 in
Appendix A. The inset in Fig. 3.7 shows the remarkable sensitivity of our pH probe,
as differences of 0.1 and 0.35 pH unit were recorded when the sample potential
was —-0.6 and -0.65 V vs. Ag/AgCl, respectively. In addition, measurements at more
negative sample potentials show the large pH range at which the probe can be
employed. Note that the absolute pH values cannot directly be compared between
this measurement and the one shown in Fig. 3.6 as different spots of the
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polycrystalline gold sample have distinct reactivities towards HER and the starting
bulk pH is not the same.

It is important to point out that during the measurements, the potential
window of the tip voltammetry must be adjusted due to the pH changes happening
locally. Not only the 4-HATP/4-NSTP mid-peak potential shifts with pH but also the
potential at which the unwanted tip reactions take place, i.e. 4-ATP formation and
destabilization of the self-assembled monolayer. Therefore, the 4-HATP/4-NSTP
peak intensity would decrease drastically if the potential limits were not adjusted
accordingly. In addition, the time resolution of the measurement can be adjusted
according to the time scale of the reaction being studied. Test CVs were recorded
until up to 600 mV s and the tip voltammetry was still stable.

3.5 Conclusions

In this work, we have successfully developed a pH sensor based on the self-
assembly of 4-nitrothiphenol on gold ultramicroelectrodes. The probe voltammetry
shows a Nernstian behavior with 57 mV/pH shift, which is not affected by the
electrolyte composition. To assure cleanliness and avoid destabilization of the
probe, we employ a mediator- and electrolyte-free capacitive approach to
determine the absolute tip-to-sample distance. We have measured the pH during
hydrogen evolution with the tip placed at a constant distance, 75 um from the
surface. Results show that our pH probe provides superior time resolution
compared to previously reported potentiometric IrO, pH sensors, allowing to
capture the dynamics of proton diffusion during hydrogen evolution. A gold UME
of 50 pum diameter was used in this work, but the functionalization with 4-NTP can
also be carried out using smaller gold UMEs for further spatially resolved
measurements. This would also allow for measurements with the probe positioned
closer to the surface. Summarizing, we presented a highly sensitive and selective
miniature pH probe that can be applied to a wide variety of systems, changing for
example the gas atmosphere, electrolyte composition, and substrate. This work
provides the means for more precise determination of the spatially resolved
diffusion layer pH under different reactions. Consequently, it will help better
understanding and modelling electrocatalytic reactions.
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Chapter 4

Abstract

The electrochemical reduction of CO; is widely studied as a sustainable alternative
to produce fuels and chemicals. The electrolyte’s bulk pH and composition play an
important role in the reaction activity and selectivity, and can affect the extent of
the build-up of pH gradients between the electrode surface and the bulk of the
electrolyte. Quantifying the local pH and how it is affected by the solution species
is desirable to gain a better understanding of the CO; reduction reaction. Local pH
measurements can be realized using Scanning Electrochemical Microscopy (SECM),
however, finding a pH probe that is stable and selective under CO, reduction
reaction conditions is challenging. Here, we have used our recently developed
voltammetric pH sensor to perform pH measurements in the diffusion layer during
CO, reduction using SECM, with high time resolution. Using a 4-
hydroxylaminothiophenol (4-HATP)/4-nitrosothiophenol (4-NSTP) functionalized
gold ultramicroelectrode, we compare the local pH developed above a gold
substrate in an argon atmosphere, when only hydrogen evolution is taking place,
to the pH developed in a CO; atmosphere. The pH is monitored at a fixed distance
from the surface, and the sample potential is varied in time. In argon, we observe a
gradual increase of pH, while a plateau region is present in CO, atmosphere due to
the formation of HCO;™ buffering the reaction interface. By analysing the diffusion
layer dynamics once the sample reaction is turned "off", we gain insightful
information on the time scale of the homogeneous reactions happening in solution
and on the time required for the diffusion layer to fully recover to the initial bulk
concentration of species. To account for the effect of the presence of the SECM tip
on the measured pH, we performed Finite Element Method simulations of the fluid
and reaction dynamics. The results show the significant localized diffusion
hindrance caused by the tip, so that in its absence the pH values are more acidic
than when the tip is present. Nonetheless, through the simulation we can account
for this effect and estimate the real local pH values across the diffusion layer.
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4.1 Introduction

The electrochemical conversion of CO, to higher added value products has
gained attention in the past years as a potential pathway towards replacing fossil
fuels as feedstock. In aqueous media, the reduction of CO, (CO,RR) competes with
the hydrogen evolution reaction (HER), and activity and selectivity are key factors to
make this process viable at industrially relevant scales! In order to steer the
selectivity and improve the overall reaction energetics, most studies focus on the
catalyst material.>®> However, another efficient way of tuning CO,RR is through the
electrolyte composition.*> By changing the electrolyte’s buffer capacity®®, pH®1!,
cation'?'> or anion'®!” one can strongly influence the rate and selectivity of the
reaction. However, understanding and decoupling these electrolyte effects is
necessary in order to optimize the reaction via these variables.

In many studies, the activity for CO, reduction is assessed without actual
knowledge of the interfacial pH, which can vary drastically from the bulk depending
on the current density, electrolyte buffer capacity, and diffusion coefficient of the
species in solution. On gold, at low overpotentials, CO,RR and HER yield mainly
carbon monoxide (CO) and hydrogen (H,) through the following reactions:8

CO; + HO + 26" = CO + 20H" Eqg. 4.1
2H" + 2e7=H; Eqg. 4.2
2H,0 + 2e"= H, + 20H" Eq.4.3

The interfacial pH and the overpotential will determine whether the overall
HER current is dominated by proton or water reduction, displayed in Eq. 2 and 3,
respectively. Because of the consumption of protons or formation of OH- by both
HER and CO3RR, the pH near the electrode surface can drastically vary from the
bulk pH. Apart from the reactions 4.1 to 4.3, various homogeneous reactions may
take place in the CO,-water system as a function of pH:*®

CO, + H0 = H,CO; Eq. 4.4
H,CO; = HCOy™ + H*  pK,= 3.6 Eq. 4.5
CO, + OH 2 HCOs~  pK, = 6.4 Eq. 4.6
HCOs + OH = COs>  pK, =103 Eq. 4.7
H,O = H* + OH- pK, = 14.0 Eq. 4.8

Quantifying the pH gradients formed in the diffusion layer during CO,RR is crucial
in order to gain a better understanding of the reaction. Though various techniques are
available for measuring local pH in electrochemistry?® (Chapter 2), directly measuring
the pH in the diffusion layer during CO, reduction is challenging. This is
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due to the complex reaction environment, and the fact that, the signal and stability
of the pH probe should not be affected by the reactants, products, or the electrolyte
identity. To date, pH measurements during CO, reduction under stationary
conditions have been mainly achieved using spectroscopic techniques. Yang et al 2!,
for instance, used surface enhanced infrared absorption spectroscopy (SEIRAS) to
determine the pH near the surface during CO,RR on sputtered copper thin films by
monitoring the change in signal intensity of the species composing the phosphate
buffer used (H,PO;/ HPO4*/ PO,*). Results showed that even in strongly buffered
electrolyte, the pH near the surface differs from the bulk at current densities lower
than 10 mA cm™2. Ayemoba et al.?? probed the pH during CO,RR on gold thin films
using surface-enhanced infrared absorption spectroscopy in the attenuated total
reflection mode (ATR-SEIRAS). In this case, the ratio between the integrated
absorbance of the CO, and HCO5™ bands was used to estimate the pH near the
surface. Similar measurements, were recently reported in a flow cell using Raman
spectroscopy.? Although, in general, these spectroscopic techniques can provide
valuable information about the concentration of species in the first few nanometres
above the surface, the signal obtained is averaged over a large surface area.
Furthermore, these measurements require having infrared or Raman active species
in solution, and the pH is measured indirectly, by monitoring species whose signal
is a function of the proton concentration. If these species are also affected by other
variables of the reaction environment, the signal might be a convolution thereof.
Therefore, spectroscopic techniques can be limited in terms of electrode materials
and electrolytes that can be employed. As an alternative to spectroscopy, Zhang et
al.* have recently used the rotating ring-disc electrode technique to measure
changes in pH during CO,RR on gold under mass transport control. In this case, a
correlation between potentiometric pH measurements with IrO, and shifts in the
CO oxidation peak detected with a Pt ring were used to determine the disc pH. Even
though this allows for pH measurements under mass transport control, the method
is limited in terms of temporal (when IrO, is used) and spatial resolution (similarly
to spectroscopic techniques). Additionally, even though the CO signal on platinum
is used as pH probe, it is known that this reaction is not only affected by pH?*, but
also cation identity?® or surface structure.?’

Scanning Electrochemical Microscopy (SECM) allows for performing pH
measurements with high spatial and temporal resolution. The spatial resolution is
only limited by the tip size and the temporal resolution depends on the pH probe
used. SECM also offers a high versatility in terms of substrate (gas diffusion, flat,
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thin film electrodes) and pH sensors (potentiometric, voltammetric) that can be
used. However, finding a pH probe that is not destabilized by the CO, reduction
reaction environment can be challenging. For example, commonly used (in both
SECM and RRDE) potentiometric pH sensors such as IrO, or Pt can strongly interact
with CO. This can generate a convoluted open circuit potential response, hindering
the applicability of these materials to measure pH during CO,RR. Using gas
diffusion electrodes (GDEs) operating at high current densities, Dieckenhofer et al.?®
overcame this problem by collecting the products at the back of the GDE, so as to
avoid CO getting in contact with the SECM Pt tip. Unfortunately, the pH response
of the platinum nanoelectrode is only applicable in highly alkaline environments, as
evident from the calibration curve reported by the authors in 1 to 16 M KOH
solutions. Such a high alkalinity at the interface can only be achieved when using
high turnover substrates (highly porous electrodes, GDEs) or when operating at
high overpotentials. This means that this Pt sensor cannot be used to investigate
CO3RR on less porous substrates, or in neutral/acidic conditions. With that in mind,
we have recently developed a highly stable, selective and sensitive SECM pH probe
based on the functionalization of gold ultramicroelectrodes (Au-UMEs) with a 4-
nitrothiophenol self-assembled monolayer.?? Contrary to the commonly used IrO,,
this voltammetric pH probe can provide high temporal resolution, only dependent
on the scan rate applied at the tip, showing a stable pH response in a wide pH
range. Additionally, the fact that the sensor is formed by a monolayer on the tip
surface, overcomes time response issues often encountered when using either a
polymer or solid oxide film.

Our modified Au-UME pH sensor presented in Chapter 3, is employed in this
work to perform and compare direct pH measurements during HER and CO,RR on
polycrystalline gold. We monitor the evolution of pH in time while stepping the
electrode potential in either argon or CO, atmosphere. Our results show that the
homogeneous reactions involving CO, in aqueous media are sufficient to buffer the
reaction interface to a certain extent, in spite of using an otherwise unbuffered
electrolyte. The high sensitivity and time resolution of our pH probe enables us to
analyse the dynamics of the diffusion layer pH as a function of the species present
in solution, which has not been previously reported for CO, reduction using SECM.
Additionally, in this work we have accounted for the effect of the SECM tip on the
diffusion layer concentration fields, and consequently on the pH measured for
CO;RR and HER, using 2D, dynamic transport and reaction simulations based on
Finite Element Methods (FEM). Simulations are fitted to experimental results to
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estimate kinetic parameters and enable further analysis of SECM tip effects relevant
to the experimental system. This work brings pH measurements during CO,RR one
step further, by showing that it can be realized using SECM, with high time
resolution and over a wide pH range. In future studies, this would allow for
decoupling pH effects from other electrolyte/surface effects on the reaction.

4.2 pH sensor synthesis and calibration

The gold ultramicroelectrodes (Au-UMEs) are first characterized by blank
voltammetry in 0.1 M H,SO, in order to assure good sealing and surface cleanliness.
A cyclic voltammogram characterizing the Au-UME (25 um radius) used in this study
can be seen in Fig. A.9 in Appendix A. To perform the SECM pH measurements, the
Au-UME is  functionalized  with  the  4-hydroxylaminothiophenol/4-
nitrosothiophenol redox couple. This is done by immersion of the Au-UME in a
solution containing 4-nitrothiophenol (4-NTP) which leads to the self-assembly of
this organic molecule on the Au-UME surface. Next, 4-NTP is partially3°
electrochemically reduced to 4-hydroxylaminothiophenol (4-HATP) in 0.1 M H,SOy,,
as depicted in Fig. 4.1a. The cathodic potential limit must be carefully controlled in
order to maximise the conversion to 4-HATP and minimise the amount of 4-
aminothiophenol (4-ATP) formed. On the positive-going scan, an anodic peak can
be seen in the gold double layer region between 0.2 and 0.4 V vs. Ag/AgCl due to
oxidation of 4-HATP, forming 4-nitrosothiophenol (4-NSTP). This is a highly
reversible reaction, demonstrated by the subsequent symmetrical cathodic current
in the negative-going scan. A schematic representation of the reactions taking place
at the Au-UME surface can be seen in the inset of Fig. 4.1a, which is correlated to
the voltammetry of (1) the reduction of 4-NTP to 4-HATP and (2) the 4-HATP/4-
NSTP redox couple.

The calibration of the functionalized Au-UME pH sensor is performed in the
same electrolyte the SECM measurements are carried out, but in different gaseous
atmospheres. The cyclic voltammetry (CV) of the tip is recorded in 0.1 M Li,SO4
solutions adjusted to different pH and saturated with either argon or CO, The CVs
obtained in argon are shown in Fig. 4.1b and the ones recorded in CO, saturated
electrolyte can be found in Fig. A.10 in Appendix A. The mid-peak potential of the
4-HATP/4-NSTP anodic voltammetry is obtained through a Gaussian fit (with a
linear background) of the CVs, and can be used to construct the calibration curve
shown in Fig. 4.1c. Due to the reversible oxidation and reduction of the 4-HATP/4-
NSTP involving two protons and two electrons, a Nernstian response is obtained

58



Local pH measurements during CO; reduction: buffering and tip effects

with a shift of 57 mV/pH unit and an R? of 0.99. The calibration curves in argon and
CO, atmosphere overlap until pH 3.45. This is expected as at higher pH values,
carbonic acid is formed and the CO, saturated solutions equilibrate at a constant pH
around 4 (see Eq. 4.4 and 4.5). We have also displayed the calibration
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Fig. 4.1. SECM pH sensor synthesis and calibration. a) voltammogram of the functionalized
Au-UME showing the conversion of 4-nitrothiophenol (4-NTP) to the pH sensitive redox
couple 4-hydroxylaminothiophenol (4-HATP)/4-nitrosothiophenol(4-NTP); b) pH sensor
voltammetry in 0.1 M Li,SO4 solutions adjusted to different pH, taken at 200 mV s7; c)
calibration curves of the modified Au-UME pH sensor in different gaseous atmospheres. The
calibration curves from our previous work (Chapter 3, Ref. 29) are also shown for comparison.
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curves presented in Chapter 3%° in Fig. 4.1c, which show how reproducible the pH
sensor response is when comparing different measurements, performed in different
gaseous atmospheres.

4.3 SECM measurements

Once the Au-UME is functionalized, the tip is positioned at a certain distance
to the sample using a capacitive approach in air, which was introduced in our
previous work (Chapter 3).2>2%31 In short: an AC potential is applied to the sample
while the capacitive current generated at the tip is recorded. The capacitance is
plotted as a function of distance from the surface (Fig. A.11l), and behaves
exponentially at small tip-to-surface distances. The fitting of the approach curve
(see Chapter 3) is used to determine the absolute surface position. Before
performing the SECM pH measurements, the cyclic voltammetry of HER and CO,RR
taking place at the polycrystalline gold sample in 0.1 M Li;SO, (pHpuk = 3) was
recorded (Fig. 4.2). In argon atmosphere a large cathodic current is observed at
potentials more negative than -0.4 V vs. Ag/AgCl due to the reduction of protons.
The reaction becomes diffusion limited due to the depletion of protons at the
interface and consequently in the subsequent four cycles a significantly lower
proton reduction current is observed. In the presence of CO,, proton reduction and
CO; reduction take place in parallel, but a larger current is observed only at
potentials more negative than -1 V vs. Ag/AgCl, suggesting that the contribution
of CO; reduction to the current observed at more positive potentials is minimal. The
first cycle overlaps with the CV taken in argon atmosphere, as the starting bulk pH
is the same, however larger currents are obtained in the subsequent four cycles in
CO, atmosphere. The latter indicates that the alkalinity near surface is lower in the
presence of CO,. However, cyclic voltammetry can only provide qualitative
information about the proton concentration near the surface.

To quantify the changes in pH in the diffusion layer during these reactions
using SECM, the functionalized Au-UME pH sensor is placed at a constant distance
of 80 = 2 um from the gold surface. Similarly to Chapter 3, the reactions are turned
"on" and "off" by stepping the sample potential from -0.5 to —0.9 V vs. Ag/AgCl in
50 mV steps. In between potential steps, the gold substrate is held at 0 V. The tip
voltammetry is constantly recorded at 200 mV s, which allows capturing the
changes in pH with high time resolution (4 seconds/data point). Fig. 4.3a shows the
results obtained in argon atmosphere (gray triangles) and then in CO, atmosphere
(red circles). These data were obtained in two consecutive measurements and are
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Fig. 4.2. CVs in argon (black) and CO; (red) atmosphere taken at the gold sample in 0.1 M
LizSO4 (pH = 3, 100 mV Sfl)‘

plotted on top of each other to facilitate comparison. The peak potentials obtained
from fitting the 4-HATP/4-NSTP voltammetry (used to extract these pH data) and
the current recorded at the sample during the chronoamperometry can be found
in Fig. A.12 and Fig. A.13 in Appendix A. From the results in Fig. 4.3a, it can be seen
that at low overpotentials and consequently low current densities (between -0.5
and -0.6 V), small pH changes of maximum 1.5 pH unit are observed at the interface,
both in argon and CO, atmosphere. At these potentials (and pH) proton reduction
is the main reaction taking place, and the activity for CO,RR is still quite low.
Although proton reduction is kinetically limited in this narrow potential window, the
low proton bulk concentration (pH 3), explains the relatively small effect on the
measured pH. The significant pH change we observe even when the reaction
appears kinetically limited is related to the presence of the tip, which inhibits local
mass transport, as we will later illustrate in the Finite Element modeling section.
Between -0.65 and -0.9 V vs. Ag/AgCl, however, the pH recorded in argon
atmosphere gradually increases as a function of potential. At these higher interfacial
pH values, hydrogen is produced through the reduction of water. As water
reduction is a kinetically limited reaction producing OH~, the alkalinity is expected
to increase with the potential. In CO, atmosphere, between —-0.65 and —0.8 V vs.
Ag/AgCl, we observe that the pH does not significantly increase as the potential is
scanned more negatively, although we work in an unbuffered electrolyte. When the
pH at the interface becomes alkaline, the reversible reaction between CO, and
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HCO; (pK, = 6.4, Eq. 4.6) seems to takes place fast enough, so that the CO, supplied
is not only a reactant but also acts as a buffer to a certain extent. Once potentials
more negative than -0.8 V are applied there is a buffer "breakdown" and the pH
increases more than a unit above the pK, of the CO,/HCO;™ reversible reaction. In
fact, this buffering can also be observed in CO, atmosphere at lower overpotentials,
where the maximum pH reached is still below 6. Interestingly, as shown in Fig. 4.3b,
once the reaction is turned "on", there is first an increase in pH that reaches a
maximum value after 30-35 seconds. Subsequently, the pH decreases as the OH-
produced are neutralized by the forward CO,/HCO5™ reaction (Eq. 4.6).

Going one step further here than in Chapter 3%, the dynamics of the CO,-
derived species in the diffusion layer was investigated by focusing on the relaxation
of the pH after the potential is returned to 0 V, in the presence and absence of CO,.
Fig. 4.4a and Fig. 4.4b show the time evolution of the pH measured at the tip once
the sample reaction is turned "off", after the different potentials shown in Fig. 4.3a
are applied to the sample. It can be seen in Fig. 4.4a that in argon atmosphere, once
HER is turned "off", for nearly all sample potentials the pH drops to values below 4.5
within 5 seconds. Only when the reaction is carried out at -0.9 V, it takes slightly
longer, but no more than 10 seconds. For low sample overpotentials, the
interfacial pH returns to bulk pH within 25 seconds and even at the higher
overpotentials this takes only 35 seconds. A very different behaviour is observed in
CO, atmosphere as a function of sample potential, and consequently local pH, as
shown in Fig. 4.4b. Here, the time for returning to the bulk pH value increases
gradually with the sample potential applied, which modulates the local pH and
consequently the concentration of species in equilibrium in solution. At potentials
more positive than —0.65 V, the pH decreases gradually and equals the bulk pH 25
seconds after the reaction is turned "off" (similarly to argon). At intermediate
sample potentials (0.7 to 0.8 V), the initial near-surface pH is above the pK, of the
CO,/HCO5 equilibrium, and therefore the concentration of bicarbonate close to the
surface is higher than in the bulk. The curves decay very similarly and for more than
15 seconds the pH stays at around 6. At the more negative sample potentials, in
which carbonate is also formed in higher concentrations, the pH drops to 6 within 5
seconds, and then gradually decreases to the bulk value. These observations are a
consequence of both how fast the different species formed as a function of pH
diffuse in the electrolyte and the rate of the different homogeneous reactions taking
place in CO, atmosphere. Fig. 44c shows a schematic representation of the
reactions taking place at the sample surface and in solution. If only HER takes place
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(argon atmosphere), even though the interfacial pH reaches relatively higher
values, the recovery of the diffusion layer happens fast. This is a consequence of
the high diffusion coefficient of the species involved in the reaction (D,+= 9.31 -

1075 cm? s~t and Dyy- = 5.27 - 1075 cm? s7%) and of the absence of any additional
buffer system. In contrast, in CO, atmosphere, bicarbonate and carbonate are

formed, whose concentrations are a function of pH. These are much slower
diffusing species (Dyco; = 1.18 - 107> cm? s™* and Dgoz- = 0.95 - 1075 cm? s71).
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Fig. 4.4. Diffusion layer dynamics: pH recovery in the diffusion layer when a) hydrogen
evolution and b) CO; reduction are turned "off". Sample potentials are reported versus
Ag/AgCl. ) Schematic representation of the homogeneous reactions taking place in solution
in parallel to the electrocatalytic reactions.
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the reaction of CO32— HCOj5is fast while the HCO;~— CO, reaction is much slower
(see values in Table A.3 in Appendix A). As a consequence, the pH decays fast
towards the pK, of the CO,/HCOs™ equilibrium, but afterwards takes more than 40
seconds to reach the bulk pH value. These observations have strong implications
for experiments in electrocatalysis. For instance, if one wishes to perform several
measurements in a row, enough time must be given to the system (without any
reaction taking place) in order to restore the bulk pH at the interface. Furthermore,
we provide here a tool for probing such equilibrium reactions under operando
conditions, which is relevant not only for CO, reduction but also for other
electrocatalytic systems.

4.4 Tip effect: Finite Element Method (FEM simulations

In SECM it is known that the tip may physically block the diffusion of species
and alter their concentrations in the diffusion layer, thus influencing the pH
measurement.3? In order to account for this effect, we have simulated the
experimental results presented in Fig. 4.3 (and summarized in Fig. A.14) using Finite
Element Method based modelling implemented in COMSOL Multiphysics. Fitted
kinetic parameters and the use of a 2D axisymmetric model leads to good
agreement between simulated and experimental results. This enables us to quantify
the local pH excluding the effect of the SECM tip.

First, we considered the pH response during reactions taking place in argon
atmosphere (Fig. 4.3a), namely proton reduction (PR) and water reduction (WR). The
governing equations as well as the parameters and the fitting procedure used to
obtain these parameters are discussed in detail in Fig. A.15-18 and Table A.1-3 in
Appendix A. Here, we only summarize the main points: the PR rate is assumed to
be linear in the proton concentration, as is the case if the Volmer step or a large-
overpotential Heyrovsky step is rate limiting. This assumption is justified by the Tafel
slope obtained from chronoamperometry being 147 mV/dec (see Fig. A.15) 33 The
kinetic parameters for proton reduction, as well as the proton diffusion coefficient
were obtained by fitting the cyclic voltammetry (Fig. 4.2, argon), the result of which
is shown in Fig A.16. Subsequently, the pH-potential relation (Fig. 4.3, argon) after
100 seconds chronoamperometry was fit to obtain kinetic parameters for water
reduction. For comparison to experiment, the pH values were thereby averaged
over the SECM electrode area. Relevant diffusion coefficients (except the
proton diffusion coefficient) and the rate constant for water association were
thereby taken from literature (see Table A.3).
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Fig. 4.5. pH profile near the electrode surface during hydrogen evolution reaction a) with
and b) without the SECM tip present. Sample potential applied 0.8 V vs. Ag/AgCl.

The fitted parameters can be used to simulate the pH map during hydrogen
evolution after 100 seconds chronoamperometry with and without tip present and
hence to investigate the influence of the tip on the pH measurements. As an
example, we show the pH map obtained at a substrate potential of 0.8 V vs.
Ag/AgCl with and without the probe tip positioned at 80 um above the surface in
Fig. 4.5. The pH maps shown demonstrate that the tip significantly blocks diffusion
of species away from the electrode surface. However, this effect is highly localized
to the gap below the SECM tip; at horizontal positions far from the tip, the
concentration profile approaches the "without tip" conditions.

Similar calculations can also be performed to estimate the influence the tip
has on the transient chronoamperometry data. In Fig. 4.6, we simulate the
chronoamperometry data at 100 seconds with and without tip present (solid vs.
dashed line). The concentration of protons estimated with the tip absent is
significantly higher than that obtained with the tip present, especially at potentials
between -0.65 and -0.85 V vs. Ag/AgCl. At low overpotentials without the SECM tip
present, the pH gradients are minimal. Only at large overpotentials, proton
consumption at the surface electrode combined with increased hydroxide
production due to the onset of water reduction causes the pH boundary layer to
grow to a size comparable to the tip-surface separation (see Fig. A.18 in Appendix
A). In the presence of the SECM tip, hindered diffusion directly below the tip causes
the pH to rise more gradually already at a much less reducing potential. The sudden
raise in pH between overpotentials of 0.6 to —0.7 V vs. Ag/AgCl can be ascribed to
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a switch from proton reduction to mainly water reduction, as shown in Fig. A.17 in
Appendix A.

A similar analysis was performed for the measurement in CO, atmosphere
(Fig. 4.6b). See Eq. A.4-9 for the governing electrochemical equations and Eq. A.10-
16 in Appendix A for the governing equations of the additional homogeneous
reactions. Table A.3 lists the relevant parameters. Although no additional fit was
performed, the simulation data (solid line) matches the experimental results (red
dots) very well. Comparing Fig. 4.6a and b, it becomes clear that the pH measured
in CO, atmosphere remains lower than that measured in argon atmosphere over
the entire potential range. This is a consequence of the buffering effect of the CO,
species present, as evidenced by the two plateau regions in the pH-potential
relation, which correlate to the pK; of bicarbonate (Eq. 4.6) and carbonate (Eq. 4.7).
Although the buffering effect of the CO, species is most striking in the presence of
the tip, the buffering of the electrolyte is also relevant in the absence of the tip. This
is evidenced by the shift of the sudden increase in pH observed in argon
atmosphere at —0.85V to even more negative potentials (not plotted). The presence
of CO, and its derivatives thus has a significant buffering effect near the electrode
at experimentally relevant conditions in both the presence and the absence of the
tip.

Hindering the diffusion and inducing a high local alkalinity at the reaction
interface allowed us to study the diffusion layer during CO,RR at relatively low
sample potentials (and current densities), which circumvents e.g. bubble issues and
allows for gradually modulating the pH below the tip. However, this tip blocking
effect could of course be minimized by decreasing the radius of the tip insulating
layer or by working at larger distances from the surface. Using calculations similar
to those shown in Fig. 4.6a, we have simulated the effect of decreasing the radius
of the tip insulation on the pH response. Fig. 4.7 shows the results of the FEM
simulations carried out using different insulating radii from 20*Ry, (the
experimental value, Ry, from the UME used in this work) down to 1.2*Ry, for a
constant tip-sample distance. The simulated pH response in the absence of the
SECM tip is also plotted for comparison. For an ideal insulation layer radius of
1.2*R¢p the calculated pH values closely approach those obtained without the tip
present. When desired, this situation can be achieved, for example, by using a laser
puller to produce the microelectrodes. However, it is important to point out that
we find that obtaining a good sealing between the gold and the glass can be
challenging, contrary to other metals that have a better adhesion to the insulation
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Fig. 4.6. FEM modeling of the pH response measured with SECM. a) Hydrogen evolution
pH-potential comparison of experimental results in argon (black dots) and FEM simulation
results (blue line) for L = 3.4 (close to the surface), compared to the case when the tip is far
from the surface (L = 50, blue dashed line). The simulated pH "without tip" is obtained from
a cross section at 80 um from the surface with the tip removed to 1.25 mm from the
surface (L = 50); L is the normalized tip-surface separation (see Experimental Section). b)
Similarly, experimental (red dots) and simulation (dark red line) pH under CO; reduction for

L = 3.4, is compared to simulated L = 50 (dark red dashed line). Bulk CO, concentration was
fixed at 10 mM.
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Fig. 4.7. Minimization of tip effects by decreasing the insulation radius. Comparison is made
for the experiment in argon, using the results from Fig. 6a, and simulations decreasing the
insulation radii, with a constant Ry. The bottom tip insulation radius is maintained at ¥2 Rins

(see Fig. A.8 in Appendix A).

layer, like platinum. Alternatively, decreasing the radius of the tip (Ryp) will also
decrease the diffusion hindrance and change the profiles shown in Fig. 4.7.

Coupling SECM measurements with FEM simulations is a resourceful way to
account for the physical blocking effect that the SECM probe has on interfacial
concentration profiles. Our case is concerned with proton concentration, but the
approach also applies to the detection of other species in solution, participating or
not in a catalytic reaction. On the other hand, this hindrance of diffusion can also
be intentionally introduced to induce a high local alkalinity in a controlled fashion,
and allow the study of homogeneous and inhomogeneous reactions taking place
in the diffusion layer, as shown in this and our other recent work.?®

4.5 Conclusions

In this Chapter, we have shown that our recently developed SECM pH sensor
based on a 4-HATP/4-NSTP functionalized Au-UME is suitable for monitoring the
pH in the diffusion layer during CO, reduction with high time resolution. We
performed experiments using a polycrystalline gold substrate and monitored the
pH as a function of potential at a fixed distance from the surface, in both argon and
CO; atmospheres. Starting from bulk pH 3, we see a gradual increase in pH in argon
as the potential applied is more negative, while in the presence of CO,, a buffering
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region is present, keeping the pH around the pK, of the CO, & HCO; reversible
reaction. By observing the time dependent pH decay once the reaction at
the sample is turned "off" as a function of applied potential, we probe how the
local pH and the rate of the homogenous reactions involving CO,, HCO;~, COs*
influence the time required to bring the diffusion layer pH back to the bulk value.
Finally, we have accounted for the effect the SECM tip has on the measured pH by
performing FEM simulations. We see how the presence of the tip leads to an
overestimation of the local pH, due to the hindered diffusion of species generated
by the substrate. Although in this work this hindered diffusion was intentional,
we also show with FEM simulations to which extent this effect can be
circumvented by, for example, decreasing the radius of the tip insulation layer.
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Chapter 5

Abstract

Recently, the bulk electrooxidation of CO on gold or platinum has been used to
detect CO produced during CO; reduction in neutral media. The CO bulk oxidation
voltammetry may show two distinct peaks depending on the reaction conditions,
which up to now have not been understood. We have used Scanning
Electrochemical Microscopy (SECM) to probe CO oxidation and pH in the diffusion
layer during CO; reduction. Our results show that the two different peaks are due
to diffusion limitation by two different species, namely CO and OH". We find that
between pH 7 and 11, CO oxidation by water and OH™ gives rise to the first and
second peak observed in the voltammetry, respectively. Additional rotating disc
experiments showed that specifically in this pH range the current of the second
peak is diffusion limited by the OH™ concentration, since it is lower than the CO
concentration.
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5.1 Introduction

The electrochemical oxidation of CO on gold*™* and platinum®® has been
widely studied, especially how pH and surface structure affect the reaction.1%?
Recently, CO oxidation on these two surfaces has been used in Rotating Ring Disc
Electrode (RRDE)!**', Scanning Electrochemical Microscopy (SECM)!Y, and cyclic
voltammetry!® experiments for in-situ probing the products of CO, reduction
(CO,RR) or the interfacial pH. In these studies, mostly carried out in neutral media,
two distinct or convoluted peaks have been observed in the CO oxidation
voltammetry 131416-18 byt their assignment is unclear. While the oxidation of a CO
adlayer has been extensively studied on mono and polycrystalline platinum at
different pH, there are no reports elucidating the mechanism of CO bulk oxidation
on platinum in neutral media. These conditions are of special interest as the typical
CO,RR reaction environment.

In general, the electrochemical oxidation of CO is believed to take place
through a Langmuir—Hinshelwood mechanism, similar to the gas phase reaction. It
is proposed that an adsorbed CO is oxidized by a nearest-neighbor oxygen
containing species. The oxygen donor is generally believed to be OH,q from water
in acidic (Eq. 5.1) or from OH- in alkaline (Eq. 5.2) media, respectively.'®

H,O - OH,y + H* + e~ Eq.5.1
OH — OH,y + e Eq. 5.2
CO,y + OH,y — CO,; + H* + & Eqg. 5.3

Especially on gold electrodes, previous work has shown that CO oxidation
takes place at higher overpotentials in acidic than in alkaline media.? As studies on
bulk CO oxidation have previously been carried out only in strongly acidic or
alkaline conditions, there is currently no consistent explanation for the coexistence
of two peaks in the bulk CO electrooxidation voltammetry in neutral media.

Using platinum cyclic voltammetry to determine CO,RR products is a
relatively new approach. Narayanaru et al.*® used a platinum ultramicroelectrode
(Pt-UME) in the substrate generation-tip collection (SG-TC) mode of SECM to probe
the products of CO,RR on gold in 0.1 M KHCO; electrolyte. Two distinct CO
oxidation peaks were observed in the Pt-UME voltammetry when the gold sample
was held at -1.3 V vs. Ag/AgCl. Although a shift in the CO oxidation peak potential
was observed as a function of sample roughness, and attributed to interfacial pH
changes, the nature of the two different CO oxidation peaks was not discussed. In
the same work, CO oxidation on gold directly after CO,RR was also performed and
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two distinct anodic peaks were observed in the CO oxidation region. The authors
attributed the peak at more positive potential to the oxidation of CO and the peak
at less positive potential to the oxidation of methanol. Recently, Zhang and Co*?
reported the use of a RRDE with CO,RR performed on a gold disc while oxidation
of the reaction products is carried out on a platinum ring. A broad CO oxidation
peak is observed on the platinum ring, which seems actually a convolution of two
different peaks. The broadness of the peak was explained by the presence of
bubbles and not further discussed. In the same work, CO oxidation was carried out
on the polycrystalline Pt ring in CO saturated 0.1 M KHCOs at pH 6.8 and 9.2. At pH
9.2 two distinct peaks were observed and attributed to CO oxidation taking place
at {100} facets and {111} facets of the Pt-UME.

To better understand bulk CO oxidation in the CO,RR reaction environment,
in this chapter, we have used a Pt-UME in the SG-TC mode of SECM while CO,RR
was carried out at a gold substrate. Using the functionalized gold pH sensor from
Chapter 3, we have used SECM to also measure the pH in the diffusion layer under
the same reaction conditions and approximately same tip-to-surface distance.?’ The
correlation of these results and additional Rotating Disc Electrode (RDE)
measurements provide a clear understanding on the nature of the two different CO
oxidation peaks previously observed!3416-18 and how they are influenced by the
interfacial pH. Our measurements show the nature of the oxygen donor as a
function of pH, and how in a narrow pH window the diffusion of these species and
not (only) the diffusion of CO itself is what limits the current of the oxidation
reaction and gives rise to the specific voltammetry. We emphasize that CO diffusion
in this chapter refers to CO bulk diffusion, not to CO surface diffusion as it has been
studied in CO stripping experiments.101!

5.2 SECM CO oxidation measurements

To probe CO oxidation while CO,RR and the competing hydrogen evolution
(HER) are taking place at the gold sample, a Pt-UME is used. A schematic
representation of the experiment is shown in Fig. 5.1a. The blank and CO stripping
cyclic voltammetry (CV) of the Pt-UME can be seen in Fig. 5.1c. The Pt-UME used
here has a radius of approximately 6.5 + 0.07 ym, determined with the Fe(CN)s>~/
Fe(CN)¢* outer sphere reaction (see Fig. Bl in Appendix B). After
characterization of the Pt-UME, a capacitive approach??! is performed in air
in order to determine the tip-to-surface distance. Fig. 5.1d shows a measured
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Fig. 5.1. Schematic representation of a) the SG-TC collection mode of SECM, where a Pt-
UME is used to probe CO and H; while CO; reduction takes place at the gold sample, b) the
functionalized Au-UME used to measure pH, c) Pt-UME blank voltammetry (black) taken in
argon saturated 0.1 M H,SO4 and CO stripping voltammetry measured in the same
electrolyte after exposing the Pt-UME to a CO atmosphere for 5 minutes. CVs taken at 200
mV s7L. d) Capacitive approach curve to determine the absolute tip-to-surface distance.

approach curve (data points) together with its fit (line). Details on the capacitive
approach curve measurement and fitting are available in Chapter 3 and Appendix
B (Fig. B.2). To minimize the influence of the tip in the diffusion process, it was
placed at a relatively large distance of 40 + 3 um from the surface.

During CO;RR, the composition of the reaction interface changes
significantly due to OH™~ generation. Consequently, the local pH depends on the
sample potential. To investigate the nature of the two distinct peaks in the bulk CO
oxidation voltammetry, we have created different CO,RR reaction environments
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around the Pt-UME, by using an unbuffered electrolyte (0.1 M Cs,SO,4, pH = 3) and
changing the potential at which the reaction is carried out at the gold substrate.
The Pt-UME voltammetry is constantly recorded while chronoamperometry
at the sample is carried out at different potentials. The chronoamperometry data
from the gold sample can be found in Fig. B.3 in Appendix B. Fig. 5.2 shows the
results obtained at different sample potentials. Ten cycles of the Pt-UME were
recorded, and the 10%" cycle is displayed. It can be seen that at low sample potentials
(Fig. 5.2a) only hydrogen is produced at the gold sample as the tip voltammetry
shows features characteristic of hydrogen oxidation (HOR).22 The HOR current
increases when going from —0.1 to 0.3 V but stops increasing between —0.3 and
-0.4 V likely due to diffusion limitation of the proton reduction reaction taking
place at the surface. At these potentials, no strong pH gradients are expected and
bicarbonate is present only in trace amounts, as the pK, of the COyuq + H,0 =
HCO;5™ + H* equilibrium reaction is 6.4. At -0.5 V (sample potential) CO starts being
formed. This leads to the poisoning of the Pt-UME for HOR, and a small CO
oxidation peak appears in the forward scan (see Fig. 5.2b). This peak gradually
increases and shifts slightly positive going from -0.5 to —0.65 V, due to a higher
concentration of CO in solution. For simplicity, from now on we will call this "peak
I". In the backward scan, a peak due to HOR is still observed at sample potentials —
0.5 and -0.55 V, which decreases due to the increase in CO concentration. At -0.6
and -0.65 V only current due to bulk CO oxidation is seen at the Pt-UME
voltammetry and a subtle shoulder appears, which we will call "peak II". The
shape of the CO oxidation CV with the hysteresis between forward and backward
scans is typical for bulk CO oxidation on Pt, and discussed in detail elsewhere.??
Fig. 5.2c shows results obtained at sample potentials —0.7 and -0.75 V. At
-0.7 V the CO oxidation peak shows a clear shoulder in the Pt-UME voltammetry at
0.45 V vs. Ag/AgCl due to an increase of peak II. At -0.75 V peak II gradually
increases while peak I decreases. Here, three subsequent Pt-UME CVs are plotted
to show this peak I/peak II transition. This transition suggests a strong change in
the reaction environment when —0.75 V is applied to the gold sample. If the rate of
OH- production becomes higher than the rate at which bicarbonate can be formed,
the alkalinity near the surface will increase and the concentration of OH™ will
become larger than the concentration of HCOs™. The coexistence of peak I and peak
II strongly suggests that two different mechanisms for CO oxidation are taking place
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Fig. 5.2. Pt-UME voltammetry recorded in 0.1 M Cs;S04 (200 mV s7%, pH = 3) while CO,RR
and/or HER take place at the gold sample at potentials a) from 0.1 to -0.4 V, b) from -0.5
to -0.65 V, ¢) from -0.7 to -0.75 V and d) from —0.75 to —-1.2 V. The gold sample potentials
shown in the legend are reported versus the reversible hydrogen electrode.
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simultaneously as a function of the reaction environment, i.e. OH™ concentration. At
more negative sample potentials, it can be seen in the Pt-UME voltammetry (Fig.
5.2d) that peak I is still present, but gradually becomes less pronounced. Peak II
shifts to more negative potentials, likely due to an increase in local alkalinity. At -1
V sample potential, a small peak appears in the backward scan at-0.23 V vs.
Ag/AgCl due to hydrogen oxidation.

To better understand the mechanism behind bulk CO oxidation and the
diffusion processes taking place, the currents of peak I and peak II are evaluated
separately by holding the gold sample at potentials where either peak I or peak II
are present (—0.65 and —0.9 V vs. RHE). By varying the scan rate at which the Pt-UME
voltammetry is recorded, we can gain insights into the nature of the species
participating in the reaction and limiting the current, as the peak current can be
calculated following the Randles-Sevcik equation?*:

ip=2.69*105*n3/2 xAxD2xCxv'l2 Eq. 5.4
where nis the number of electrons transferred, A is the electrode surface area, Dis
the diffusion coefficient of the reacting species that limits the current and C its

concentration, and v is the scan rate. The peak current plotted as a function of the
square root of the scan rate can be seen in Fig. 5.3. The two different slopes

35 T I T I T I I T I I
| ® -0.65V (peak]) .,o
30] @ -0.90 V (peak II) .,0’ ® i
[ 3 > o
< 5 24 ,0
E 25 - "r " -
‘qEJ -7 ,®
£ 20 0 & -
o] ¢ Y ]
15 - K3 i
10 4 -
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5 1 I 1 I 1 1

0 5 10 15 20 25 30 35
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Fig. 5.3. Scan rate dependency of the CO oxidation peak current measured at the Pt-UME.

Measurements were performed at two different sample potentials to evaluate separately the
CO oxidation peak I (blue) and peak II (green).
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Fig. 5.4. Correlation between the pH measurements performed with a functionalized Au-
UME (black circles) with the CO oxidation peak position extracted from the measurements
performed with the Pt-UME (red squares) during CO; reduction on gold (0.1 M Cs,SOs, pH
= 3, CO; saturated).

found indicate that the reaction is limited by the diffusion of two different species,
giving rise to the two observed peaks in the voltammetry. However, derivation of
the diffusion coefficient for identification of the species is not possible here, as the
exact concentration of the reactants is unknown.

5.3 SECM local pH measurements

To gain better insights into the reaction interface when these two peaks
coexist, SECM pH measurements were performed under the same conditions as the
previously shown H,/CO oxidation experiments. Here, the tip is a functionalized
gold ultramicroelectrode (Au-UME) pH sensor. The Au-UME used here has a radius
of approximately 26.9 + 0.05 um, determined with the Fe(CN)s>/Fe(CN)s* outer
sphere reaction (see Fig. B.1 in Appendix B). As can be seen in the scheme in Fig.
5.1b the gold surface is modified with a self-assembled monolayer containing the
hydroxylaminothiophenol/4-nitrosothiophenol redox couple. The pH sensing is
realized by recording the tip cyclic voltammetry and monitoring the Nernstian shift
of the midpeak potential. Details on the sensor fabrication and data processing can
be found in Chapter 3, Appendix A and Appendix B.2° The Au-UME is positioned at
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the same distance from the surface as the Pt-UME (40 + 3 um) and the tip
voltammetry is recorded while changing the sample potential. The pH
measurements in time can be found in Fig. B.4 in the Appendix B. The measured pH
as a function of sample potential is displayed in Fig. 5.4 together with the peak
potential of the CO oxidation peaks from Fig. 5.2. At low sample potentials neither
the pH increases, nor the CO oxidation peak I shifts negatively. In this potential
range the CO,nq = HCO;3™ equilibrium buffers the interfacial pH, which value
remains near the pK, of the equilibrium reaction (6.4). At —0.75 V sample potential,
where the transition between peak I and peak Il is observed (Fig. 5.2¢), there is an
increase in pH from 7.7 to 9 and the CO oxidation peak also starts to shift negatively.
The correlation showed in Fig. 5.4 suggests that peak I exists at neutral pH, and
therefore water is the oxygen donor for CO oxidation. As peak II appears when the
buffer breaks down and the interface becomes more alkaline, it seems that peak II
corresponds to CO being oxidized by OH™. However, these findings still do not
elucidate why different slopes were found in Fig. 5.3, which suggests that the
current of peak Iand Il is limited by two different species, which could be: OH-, CO,
or HCO5™.

5.4 Rotating Disc Electrode (RDE) experiments

To assign the species leading to the diffusion limiting current observed for
peak I and II, we performed rotating disc electrode (RDE) experiments using a
polycrystalline platinum disc The blank voltammetry of the platinum electrode is
seen in Fig. B.6 in Appendix B. Fig. 5.5 displays the results obtained in pure 0.1 M
Cs;SO4 (pH = 7.2) and when 0.03, 0.06 and 1 mM of KOH are added to the
electrolyte, leading to pH 9.5, 9.8 and 11, respectively. The electrolyte is saturated
with CO during all the measurements, leading to a constant CO concentration of 1
mM. Fig. 5.5a shows the voltammetry of bulk CO oxidation in the different
electrolytes taken at 400 rpm. In pure Cs,SO, (neutral pH) only one diffusion limiting
plateau is seen between 1.2 and 1.6 V vs. RHE, corresponding to peak I previously
observed in the SECM measurements. When 0.03 mM KOH is added to the
electrolyte, two plateaus are observed. One with a similar current as before,
between 1.2 and 1.6 V vs. RHE, and another with lower diffusion limiting current,
between 0.8 and 1.2 V vs. RHE (peak II). Increasing the OH~ concentration leads to an
increase in the diffusion limiting current of peak II, confirming the correlation
found in the SECM measurements between peak II and pH. At pH 11 (ImM KOH),
only one peak is observed at lower overpotentials, with a current matching the one
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found at pH 7.2. To elucidate which species cause diffusion limitation in each
condition, measurements were also performed at different rotation rates (see Fig.
B.7 in Appendix B). The Levich equation describes the relationship between the
diffusion limiting current and the rotation rate and can be used to derive the
diffusion coefficient of the species leading to the diffusion limitation:?*

Jiim = 0.62%n *F*D2/3 *v_1/6 *C*a)l/z Eqg. 5.5
where n is the number of electrons transferred, £ is the Faraday constant, D is the

diffusion coefficient of the species, v is the kinematic viscosity of the solvent, Cis
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Fig. 5.5. RDE CO oxidation measurements on a polycrystalline Pt disc in Cs;SO4 (pH = 7.2)
performed at 400 rpm with 25 mV s™! scan rate. a) Reaction performed in the presence of
different concentrations of KOH, b) Levich plot and c) derivation of the diffusion coefficients
for peak I (blue circles) and peak II (green triangles).
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the concentration of the species and w is the rotation rate. The diffusion limiting
currents obtained at the different rotations for the plateaus corresponding to peak
I and Il are shown in Fig. 5.5b as a function of the square root of the rotation rate.
The diffusion coefficients are derived from the slopes obtained in Fig. 5.5b and are
displayed in Fig. 5.5c. It can be seen that for peak I, the same slope is found in
pure Cs;SO,4 and in the presence of 0.03 and 0.06 mM of OH-. The diffusion
coefficients calculated all approximate the theoretical value reported for CO which
is 2.03 - 10 cm? s, confirming that the current of peak I is limited by the
diffusion of CO.% In the case of peak II, interestingly, a different slope is found as a
function of the OH- concentration. When the OH- concentration is lower than the
CO concentration (1 mM), a slope of approximately 5.5 - 10 ¢cm? s is found
based on the OH- concentration, corresponding to the value reported for OH-
ions (5.23 - 10 c¢cm? s71).2> This clearly shows that in this pH range, OH is not only
the oxygen donor but also the species whose transport limits the reaction. When
the [OH] = [CO] = 1mM the slope found is similar to the one of peak I and
derivation of the diffusion coefficient based on the CO concentration again
matches the value reported in literature for CO. The latter implies that at pH 11 or
higher, only one peak is present, and the current is limited by the diffusion of CO.

5.5 Discussion and Conclusions

Based on the two different SECM measurements and the RDE results, we can
now build a clear understanding of the nature of the two peaks observed during
bulk CO electrooxidation in neutral media. As summarized in Table 5.1, at acidic
and neutral pH, OH" is present in small concentrations and CO is oxidized by water.
The current is limited by the concentration of CO in solution and only one peak is
observed in the voltammetry at high overpotential: peak 1. Between pH 7 and 11,
two peaks coexist in the CO oxidation voltammetry: peak I and peak II. Peak II
appears at lower overpotentials than peak I and is due to CO oxidation by OH™. The
current is limited by the OH™ concentration. Above pH 11, only peak II is present
due to CO oxidation by OH-, and the current is limited again by the concentration
of CO, which becomes smaller than the OH" concentration in this pH range. Even
though methanol has been previously observed as a product of CO, reduction on
roughened gold electrodes'®, we can exclude that methanol oxidation gives rise to
peak II. We have analyzed the CO,RR products formed in the conditions of this
study (flat gold electrode, 0.1 M Cs,SO,4, pH = 3) with online chromatography
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Table 5.1. Relationship between pH, jim species and the bulk CO electrooxidation
voltammetry.

pH O-donor jim Species voltammetry
<7 H,O Cco peak I

11> pH >7 H,O, OH- OH- peakI + peakII
211 OH~- CcO peak II

(Fig. B.8 in Appendix B). The only products detected are hydrogen and CO, at
potentials for which peak I and II are observed.

Summarizing, in the present work we have used SECM in SG-TC mode
to probe CO oxidation on a Pt-UME while CO,RR to CO takes place on a gold
sample. By changing the local reaction environment, we could observe the
existence of two distinct peaks in the CO oxidation voltammetry as a function of
pH. SECM local pH measurements were also performed demonstrating a clear
correlation between the OH~ concentration and the coexistence of the two
distinct CO oxidation peaks. Additional RDE measurements confirmed that the
peaks coexist in a narrow pH range in which the OH- concentration is
smaller than the CO concentration (between pH 7 and 11), which results in two
diffusion limited current regimes. It is now clear why these two peaks are
mainly observed when probing CO, reduction31416-18 as the pH in the CO;
reduction reaction environment usually lies in between the CO,/HCO;5™ pK, and
more alkaline values that develop according to the current density and buffer
capacity of the electrolyte used. Considering the increased number of
publications where CO oxidation is being used to probe CO, reduction, we hope
the work presented in this Chapter provides the basis for the correct assignment
of the two distinct peaks often observed in the CO oxidation voltammetry.
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Chapter 6

Abstract

Electrochemical reactions in which H* or OH~ ions are produced or consumed, affect
the pH near the electrode surface. Probing the pH locally is therefore highly desired
to understand and model the reaction environment under operando conditions.
We carried out interfacial pH measurements under mass transport control using a
rotating ring-disc electrode (RRDE) coupled with our recently developed
voltammetric pH sensor. The interfacial disc pH is detected by functionalizing the
gold ring with a hydroxylaminothiophenol (4-HATP)/4-nitrosothiophenol (4-NSTP)
redox couple. As protons only have to interact with a monolayer containing the 4-
HATP/4-NSTP, the sensitivity and time resolution that can be achieved are superior
to potentiometric sensors. We used hydrogen evolution as a model reaction and
performed measurements in buffered and unbuffered electrolytes. The effects of
the current density, potential, the buffer capacity of the electrolyte and rotation rate
on the interfacial pH were investigated. This work shows a reliable and sensitive
method for accurately probing the reaction environment under well-defined mass
transport conditions, over a wide pH range.
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6.1 Introduction

The electrochemical reactions that consume/produce protons or hydroxyl
jons can generate a pH gradient between the electrode surface and the bulk of the
electrolyte. In general, the value of the local pH developed at the surface is a
function of the current drawn, the electrolyte composition, and the mass transport
conditions.! It has been shown that the (local) electrolyte pH plays a significant role
in various reactions, such as hydrogen evolution? (HER), CO, reduction?, oxygen
evolution* and reduction®, among others. Therefore, it is highly desired to probe
the pH gradient near the surface during these electrochemical reactions, with high
sensitivity, and with good time and spatial resolution.

In Chapter 2 we review the main techniques available for performing local
pH measurements?, the most frequently used ones being Scanning Electrochemical
Microscopy (SECM)&8, Scanning Ion Conductance Microscopy (SICM)®*, Scanning
Ion Selective Electrode (SIET), Rotating Ring-Disc Electrode (RRDE)}, confocal
fluorescence scanning microscopy?®, infra-red!®” and Raman spectroscopy.'®
Among these, RRDE is the only technique that allows for measurements to be
performed under well-defined mass transport conditions, at the expense of the in-
plane spatial resolution. Firstly introduced by Albery and Calvo®?, pH
measurements using RRDE consist of a reaction taking place at the disc electrode
and the detection of the proton concentration during the course of this reaction by
a pH sensing material at the ring electrode. Due to the electrode geometry and
rotation, the flow of species going from the disc to the ring is described by a
convective-diffusion equation. This allows the interfacial pH observed at the ring
electrode to be directly converted into the pH at the surface of the disc electrode.
The advantage is that the detection by the ring electrode does not affect the
reactions taking place on the disc electrode. The analytical solution derived by
Albery and Calvo?! was recently further developed by Yokoyama et al?? by
including the autoprotolysis of water in the description, which allows for
determining the disc pH more accurately in a wider pH range.

A few works on interfacial pH measurements with RRDE have been reported,
however mainly potentiometric pH sensors were employed, the most common
being iridium oxide (IrO,).1*'314 The ring electrode is normally modified with an IrO,
film and the pH at the disc is determined based on the Nernstian open circuit
potential (OCP) response of the ring. A major drawback of using IrO, is that the
stability and time resolution depend, for example, on the film thickness and pH.%%*
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Besides IrO,, certain reactions on bare metal surfaces have also been used to
estimate changes in interfacial pH. Figueiredo et al.!? used shifts in the equilibrium
potential of the hydrogen evolution reaction on a Pt ring to estimate the disc pH
during ethanol oxidation. Zhang et al. used the CO oxidation reaction on a gold
ring to probe the interfacial disc pH during CO, reduction to CO on gold.’® However,
it is known that the sensitivity and accuracy of these measurements can be highly
compromised by the reaction environment, as both HER and CO oxidation have
shown to be affected, i.e. by the cation®>?’, surface structure?®?® and pH.3%3! Also,
buffering species in the electrolyte are not always taken into account when
converting the pH measured at the ring to the interfacial disc pH, which may lead
to an overestimation of the local alkalinity. Besides that, based on the analytical
description of Yokoyama et al.?2, a small change in pH detected by the ring may
correspond to an order of magnitude higher changes of the interfacial disc pH,
especially in solutions far from neutral pH. Therefore, a more sensitive pH sensor
for RRDE is desired, and in fact necessary, for performing accurate interfacial pH
measurements with this technique.

In this Chapter, we have assessed the feasibility of using our recently
developed voltammetric pH sensor (Chapter 3) in the RRDE configuration. The
sensor consists of a self-assembled monolayer on gold, and in Chapters 3-5 was
used for pH measurements in the diffusion layer with SECM.3233 The pH response is
based on the voltammetry of the hydroxylaminothiophenol (4-HATP)/4-
nitrosothiophenol (4-NSTP) redox couple, specifically the Nernstian shift of the
oxidation reaction mid-peak potential. We show here that the 4-HATP/4-NSTP
voltammetric response is not affected by the electrode rotation, and that this redox
couple can be used in a RRDE system. We employed it to probe the interfacial disc
pH during hydrogen evolution in buffered and unbuffered electrolytes at mildly
acidic pH. With the high sensitivity and time resolution of this voltammetric sensor,
we measured the interfacial disc pH during cyclic voltammetry,
chronoamperometry and chronopotentiometry experiments, and also determined
the rotation rate required to minimize interfacial pH changes in the electrolytes
studied. The application of this sensitive and reliable pH sensor for RRDE pH
measurements presents an alternative to commonly used potentiometric sensors,
and a step forward to more accurately probing the reaction environment under
well-defined mass transport conditions.
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6.2 Functionalization of the ring electrode

Interfacial pH measurements during hydrogen evolution (HER) using a
rotating ring-disc electrode (RRDE) were performed using the electrode assembly
schematically represented in Fig. 6.1a. Prior to measurements, the gold ring and
disc electrodes are characterized by blank voltammetry, to assure a clean and
reproducible surface (see Fig. C.3a in Appendix C). For the pH sensing, the gold ring
is modified with a self-assembled monolayer of 4-NTP, which is then
electrochemically converted to the 4-HATP/4-NSTP redox couple by cyclic
voltammetry, as shown in Fig. 6.1b. The 4-NTP modified gold ring is immersed in the
electrolyte under potential control (0.3 V vs. Ag/AgCl) and then a cathodic
sweep at 100 mV st is performed to partially reduce the monolayer to 4-HATP. The
voltammetry of the resulting 4-HATP/4-NSTP redox couple is also shown in Fig.
6.1b recorded at 200 mV s (in red), which is the scan rate used during the pH
measurements. In principle, even higher scan rates can be used (up to 500 mV s73), if
the process being studied requires better time resolution. Different from our
previous work (Chapter 3-5), here the molecule conversion was performed in the
same electrolyte as in which HER was carried out. We find that it gives similar results
as in the previously used 0.1 M H,SO, if the 60 mV/pH Nernstian shift of the
potential window is taken into account. We show here the voltammetry for the
conversion in 0.1 M K,;SO,4 at pH = 4 (Fig. 6.1b). In Fig. C.3b in Appendix C, the same
is shown in 0.1 KH,PO,4 and 0.1 M H,SO,, for comparison. The molecule conversion
has also been successfully performed in, for example, perchlorate and bicarbonate
electrolytes, although not shown here.

Before performing the interfacial pH measurements, we have investigated if
the rotation of the electrode has any influence on the 4-HATP/4-NSTP response.
The ring voltammetry (CV) was constantly recorded while the rotation rate was
varied. Results are shown in Fig. 6.1c going from 0 to 2600 rpm. Each data point is
the average mid-peak potential (Epea) determined from 10 consecutive cycles
together with the standard deviation, and the corresponding CVs are shown in the
graph inset. We observe a stable Epe.c of 0.109 V vs. Ag/AgCl for all rotation rates.
There is a slight decrease in the absolute ring current, however this does not affect
the peak fitting and extraction of E,ca. These results assure that any changes in the
ring voltammetry during HER are due to the reaction taking place at the disc, and
not affected by the rotation rate or the turbulence of the electrolyte. This is very
important, especially when working far from neutral pH. As shown in Fig. 6.1d,
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Fig. 6.1. a) Schematic representation of the RRDE with the functionalized ring; b) cyclic
voltammetry of the 4-NTP to 4-HATP conversion (black, 100 mV s™) together with a
characterization of the 4-HATP/4-NSTP redox couple (red, 200 mV s™1). Both were recorded
in 0.1 M KxSO4, pH = 4. ¢) Effect of rotation on the pH sensor mid-peak potential, extracted
from the voltammograms shown in the inset. d) Theoretical relationship between Eyeax and
pHadisc using Eq. C.2 for pH« = 4.

considering an unbuffered electrolyte with a bulk pH of 4, a difference of 20 mV in
Epeak cOrresponds to a change in pHgisc of 7 pH units. The entire E,..c range plotted
is actually only 50 mV, which corresponds to the detection of a change of less than
a unit in the interfacial ring pH. This also indicates how important it is that the pH
sensor employed for RRDE measurements is sensitive and stable enough, to
measure the interfacial pH accurately. Fig. C.2 in Appendix C shows the theoretical
relationships between pHpic and pHging at various pH-, comparing Eq. C.2
(Yokoyama) and Eq. C.1 (Albery and Calvo) for an unbuffered electrolyte. The
theoretical relationship that can be obtained using the correction we applied for
phosphate buffered solutions of different bulk pH is shown in Fig. C.2c. Further
experimental details are found in Appendix C.
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6.3 Interfacial pH measurements during hydrogen evolution

We employed the modified ring electrode to measure the development of
the interfacial pH during a cyclic voltammogram on the gold disc. Hydrogen
evolution voltammetry was carried out in phosphate and sulfate electrolyte and the
correlation between the current density and the measured interfacial disc pH can
be seen in Fig. 6.2a and Fig. 6.2b, respectively. It is important to point out that the
conversion from the measured ring pH to the disc pH is done differently for
the experiment in unbuffered sulphate electrolyte in comparison to the phosphate
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Fig. 6.2. Interfacial pH measurement during the disc cyclic voltammetry in 0.1 M argon
saturated at 2000 rpm in a) KH2PO4 pHpuik = 3.7 and b) K;SO4 pHpuik = 3.5. CVs were recorded
at 2 mV s7! and the 4-HATP/4-NSTP CVs at 200 mV s™. The forward and backward scans are
indicated as jior, PHfor and jbac, PHbac.
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buffer. For sulphate, the analytical description of Yokoyama et al.? is used (Eq. C2
in Appendix C). In the case of phosphate, we have added a correction to account
for the homogeneous reactions involving the different phosphate species (H,POg,
HPO,, PO,") that take place upon increase in the local alkalinity (see Eq. C.7-C.29
in the section C.2 "Calculation of the interfacial disc pH" in Appendix C). In Fig. 6.2,
we observe that the pH profiles are nearly a mirror image of the current density in
both phosphate and sulphate electrolytes. In Fig. 6.2a, we see a gradual increase in
current and interfacial pH from 0 to -0.9 V vs. Ag/AgCl. At more negative
potentials there is steeper increase in current, likely due to the transition from
proton reduction to water and biphosphate reduction as the main branch of HER
taking place.>* Despite the high current, the interfacial disc pH does not go above
6, due to the buffer capacity of the phosphate electrolyte used. In sulphate
electrolyte (Fig. 6.2b) a more well-defined plateau is present due to diffusion
limited proton reduction (2H* + 2e™ — H,) followed by a steep increase in current
due to water reduction (2H,O + 2e” — H, + 20H"). The activity for proton
reduction starts to increase at about -0.55 V vs. Ag/AgCl and a consequent
increase in the interfacial disc pH starts to be observed from -0.57 V vs. Ag/AgCl
onwards. This slight delay of 20 mV in the pH response in comparison to the
current response is likely because at the very low overpotentials the reaction is
only limited by the rate of charge transfer at the electrode-solution interface and
there are no pronounced changes in the local proton concentration. At potentials
more negative than -0.57 V vs. Ag/AgCl a combination of charge and mass
transfer processes control the reaction, and the interfacial pH starts increasing. In
the potential window in which the diffusion limited proton reduction plateau is
observed, the interfacial disc pH remains around 6.5, until the activity for water
reduction increases and consequently the interfacial pH gradually becomes more
alkaline. The differences in activity between phosphate and sulphate electrolyte
are likely due to the fact that it has been shown that phosphate can outcompete
water as a proton donor for hydrogen evolution.>* We see that due to the high
time resolution achieved with the 4-HATP/4-NSTP sensor in combination with the
low scan rate of the CV (2 mV s™), detailed information regarding the correlation
between current and pH can be obtained. In principle, the disc voltammetry can
also be recorded at higher scan rates, at the expense of the resolution of the pH
measurement.

Next, we have performed pH measurements while applying different
potentials to the disc electrode. In between potential steps, HER was turned “off”
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Fig. 6.3. Interfacial pH measurement during chronoamperometry (potentials indicated in the
graph in V vs. Ag/AgCl) in 0.1 M argon saturated a) KH2PO4 pHpuik = 4.4 and b) K2SO4 pHpuik
= 3.6 at 1600 rpm.

by applying 0 V vs. Ag/AgCl to the disc and the ring voltammetry was constantly
recorded. The current and potential recorded in time can be seen in Fig. C4 in
Appendix C. Results are shown in Fig. 6.3 for HER carried out in phosphate and
sulphate electrolyte. The increase in interfacial pH as a function of potential here is
slightly larger than what was observed for the cyclic voltammetry from Fig. 6.2. This
is due to the lower rotation rate (1600 rpm) employed during the
chronoamperometry, slowing down the transport of species away from the
electrode surface. At the low overpotentials, we can accurately detect differences in
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Fig. 6.4. Interfacial pH measurements during chronopotentiometry (constant current density
=-0.42 mA cm) in 0.1 M argon saturated a) KH2PO4 pHpuk = 4.4 and b) K2SO4 pHpui = 4.0
at the different rotations indicated in the graph in rpm.

interfacial pH as small as 0.1 pH unit, which has not been previously reported for
RRDE pH measurements. This is due to the better sensitivity of the 4-HATP/4-NSTP
redox couple used in this work compared to the commonly used pH sensors. The
insets in Fig. 6.3a and Fig. 6.3b show the pH measured at -0.5, -0.6 and -0.7 V vs.
Ag/AgCl, and highlight how the interfacial pH in the phosphate electrolyte always
returns to the bulk pH value once the reaction is turned “off”. The same does not
happen in sulphate, where the baseline keeps increasing due to the lower buffer
capacity of the electrolyte. The phosphate electrolyte has different strong buffering
regions, namely at pH values around the pK, of the following reversible reactions:

100



Interfacial pH measurements using a Rotating Ring-Disc Electrode

H3PO,; = H,PO4 (pK, = 2.3), H,PO4~ = HPO,* (pK, = 7.2) and H,PO,~ = PO, (pK, =
12.1). In contrast, in the sulfate electrolyte, only one equilibrium reaction is present
(HSO,~ = SO4%) with pK, = 1.8, considerably lower than the pH developed during
HER. It is important to point out that fluctuations of the pH response as observed,
for example, at large overpotentials in Fig. 6.3b, occur due to bubbles accumulating
near the ring electrode. Even though in this work this did not compromise the
measurements, for more challenging systems (or working conditions) this can be
circumvented by coating the spacer that separates the ring and the disc electrodes
with dopamine.®

The buffer capacity of the electrolyte, the current density, and especially the
rotation rate, determine the magnitude of the pH gradients developed during RRDE
experiments. Therefore, we have also probed to which extent enhancing mass
transport affects the interfacial disc pH by performing chronopotentiometry
measurements in the same phosphate and sulphate electrolytes. The reaction was
turned “on” and “off” by applying a constant current density of -0.4 mA cm? or
-0.001 mA cmto the disc, at different rotation rates (see Fig. C.5 in Appendix C for
the current and potential recorded). Fig. 6.4 a shows the interfacial disc pH during
HER in phosphate electrolyte at different rotation rates. Although the changes in
pH are not drastic, we see that between 500 and 1000 rpm, the convective flow of
species is not high enough to avoid a larger increase in the local alkalinity, despite
the buffer capacity of the electrolyte. Still, the interfacial pH when HER is “on”
decreases by increasing the rotation rate. At rotations higher than 1250 rpm, a
steady state is reached, i.e. the highest flux of species outwards is achieved and
increasing rotation no longer decreases the local alkalinity. This happens because a
maximum efficiency at which species move from the disc to the ring is reached, as
also discussed in the work of Zimer et al.}! Due to the buffering species in the
phosphate electrolyte, which have easier access to the surface at the higher
rotations, the interfacial disc pH in phosphate equilibrates at values around 5.2 at
steady state. A different behaviour is observed in the sulphate electrolyte (Fig. 6.4b).
Here, although increasing rotation also gradually decreases the interfacial disc pH, a
stable pH is never reached at high rotation rates, due to the low buffer capacity of
the electrolyte. Additionally, the interfacial disc pH never returns to the bulk value
when the reaction is turned “off” (in between different rotations), similarly to what
we observed in the chronoamperometry experiment in sulfate (inset of Fig. 6.3b). It
is important to point out that even though the calculated interfacial disc pH
changes are relatively large, the differences in Epea recorded at the ring electrode
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are rather small. Fig. C.6 in Appendix C exemplifies that with the E,..« recorded for
the experiments shown in Fig. 6.4. The changes in Eyc.c observed during the whole
experiment are in the 15-40 mV range, highlighting once more how important it is
to employ a sensitive pH sensor for RRDE pH measurements.

6.4 Discussion

The results shown demonstrate that, even though RRDE systems are used to
avoid (or minimize) concentration gradients during electrochemical reactions, the
effectiveness of the enhancement in mass transport is highly dependent on
the electrolyte buffer capacity and on the currents drawn. Assuming "well-
defined mass transport conditions" when working with RRDE does therefore
not imply absence of concentration gradients, as we see that (in our working
conditions) the interfacial disc pH can vary up to 6-7 pH units from the bulk pH.
This has important consequences, for example, for measurements performed as a
function of rotation rate going from low to high rotations. The interfacial pH
values will be significantly different, and their effect is difficult to deconvolute,
unless proper quantification of the pH is carried out. In the electrolytes studied,
even with a relatively high buffer capacity (phosphate electrolyte) and rotation
rates (> 1250 rpm), the interfacial disc pH differed by 1 unit from the bulk.
Operating in the steady state regime (strong buffer, high rotations) minimizes
convoluted responses due to differences in the interfacial disc pH. However, as
evidenced by our results, this regime is strongly dependent on the electrolyte
and reaction activity, and has to be identified for each individual system studied.
Using the 4-HATP/4-NSTP redox couple as pH sensor on the ring electrode,
allows to do so with high temporal resolution and sensitivity. The synthesis of
the functionalized gold ring shown in this work is much simpler than what was
previously reported for IrO,*%, highly reproducible, and the system is versatile in
terms of disc materials that can be employed, and reactions to be studied.®
Finally, even though the analytical description from Albery and Calvo!*?! and
Yokoyama et al.?? is accurate for calculating pHgisc for measurements performed in
unbuffered electrolytes, here we present a method to correct the description
when working in buffered solutions. This is crucial to avoid an overestimation of
the interfacial disc pH in buffered systems.
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6.5 Conclusions

In this work we have shown that RRDE interfacial pH measurements can be
performed with high sensitivity and temporal resolution using a voltammetric pH
sensor. A gold ring functionalized with the 4-HATP/4-NSTP redox couple has been
used to study pH gradients developing during hydrogen evolution at a gold disc
electrode. The interfacial disc pH is measured in phosphate or sulphate electrolyte
during  different  electrochemical  experiments:  cyclic  voltammetry,
chronoamperometry and chronopotentiometry. We observed that the changes in
interfacial pH at the disc strongly depend on the buffer capacity of the electrolyte
and the current drawn (i.e. the activity). By varying the rotation rate at constant
current density, we identify the minimum rotation required to achieve the maximum
enhancement of mass transport possible and avoid strong concentration gradients
during the electrocatalytic measurements. Using HER as a model system, we show
that the 4-HATP/4-NSTP voltammetric pH sensor is a powerful tool for accurately
measuring interfacial pH with RRDE, with high time resolution.
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Chapter 7

Abstract

In this Chapter we show how the contamination of gold electrodes with alumina
particles by electrode polishing leads to an enhancement in activity for hydrogen
evolution (HER) in neutral media. Polishing is one of the most used electrode
treatments, however, we show that particles from the polishing media cannot be
easily removed from the electrode surface by standard cleaning procedures.
Comparing the HER activity of gold disc electrodes polished with either diamond
suspension or alumina paste, we show that the latter leads to higher current
densities, specifically for the water reduction to hydrogen. A similar enhancement
in HER activity was observed by the addition of AI3* cations to the electrolyte,
demonstrating that the particles are not catalytically active, but that the AI** species
released in solution due to corrosion promote the water reduction reaction. Due to
an increase in the local OH™ concentration during HER, the contaminating Al3*
cations precipitate and may deposit at the electrode surface as Al(OH)s. In the
presence of a high enough AI?* concentration, layered Al(OH); plates cover the
whole electrode surface. The plates are composed of Al(OH); sheets intercalated by
sulphate anions. Surprisingly, the AI(OH); sheets do not affect the gold blank
voltammetry, and therefore remain undetected by simple electrochemical
characterization methods.
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7.1 Introduction

Gold electrocatalysts are widely studied for several oxidation! and reduction
reactions??, among which CO, reduction and the competing hydrogen evolution
have gained a lot of attention recently.®1? Understanding these reactions at the
atomistic level is key to the design and optimization of larger-scale processes. In
fundamental electrocatalysis studies, electrodes are usually pre-treated, in order to
obtain a clean, homogeneous and reproducible surface. The most common pre-
treatments used for gold electrodes are: mechanical polishing, chemical etching,
electropolishing, annealing, or a combination thereof.’3>"1> However, the influence
of different pre-treatments on the stability, structure, composition, and catalytic
activity of gold electrodes is not well documented. Actually, most studies overlook
the possibility of such an influence and do not report a detailed characterization of
the pre-treated electrodes.

Flame annealing is the most reliable method to prepare electrodes and leads
to a clean and (re)ordered surface. It allows, for example, the preparation of single
crystals without the need of UHV techniques.'® Polycrystalline electrodes, on the
other hand, are usually cut from metal foils and require mechanical polishing to
prepare a smooth, clean and reproducible surface.’” The quality of the polishing
procedure also directly influences the quality of the surface after subsequent flame
annealing. In addition, not all kind of electrodes can be flame annealed, such as
rotating disc electrodes (when embedded in Teflon holders) or microelectrodes.
Metals such as copper cannot be flame annealed in air without avoiding surface
oxidation.8

Even though electrode polishing is a well-known procedure, it has been
reported that even when following standard polishing/cleaning procedures, particle
residues from the polishing media can remain on the electrode surface even after
rinsing extensively with water or after subjecting to ultra-sonication.?®2? Polishing
pastes and suspensions contain alumina, diamond, silicon carbide or boron carbide
powders, depending on the application. The extent of the contamination and how
it affects electrochemical and especially electrocatalytic processes is expected to
vary depending on the polishing media used.

There are only a few indications in the literature that polishing with alumina
influences electrocatalysis, although the effect of trace metal contaminants on
hydrogen evolution on gold have been previously reported.?* Jacobse et al.
demonstrated that platinum ultra-micro electrodes (UME) polished with alumina
have lower catalytic activity than flame annealed UMEs.? The effect is attributed to
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contamination of the UMEs either due to the preparation method or impurities in
the chemicals used. On the other hand, Volpe et al. showed that the mechanical
polishing of PtBi catalysts with alumina, instead of diamond, leads to larger activity
towards formic acid oxidation.?® Clark et al. also pointed out that alumina residues
could be problematic when studying CO, reduction on copper, as metallic
aluminium is an active catalyst for the competing hydrogen evolution reaction
(HER).?” However, no further investigations were carried out in this regard. Studies
regarding the effect of gold surface pre-treatments have mainly been carried out in
the field of biomaterials. It has been demonstrated that the surface preparation
method strongly influences the self-assembly of organic molecules due to changes
in the surface roughness and cleanliness.?3 However, the implications of these
treatments on the gold catalytic activity has not been thoroughly investigated.

In this Chapter, we study the effect of the polishing media on the
electrocatalytic activity of gold electrodes towards HER. We have chosen this model
system, due to its relevance as a competing reaction in different electrocatalytic
processes that take place (in aqueous media) at potentials below 0 V vs. RHE.
Surprisingly, the presence of alumina particles leads to a significant increase in the
gold catalytic activity for HER, even though the presence of alumina remains
undetected by standard blank cyclic voltammetry. To investigate this enhancement
in reactivity, the electrode structure and composition is studied by using a
combination of blank voltammetry, Scanning Electron Microscopy (SEM), and
Energy Dispersive X-Ray Spectrometry (EDX) both before and after the
electrocatalytic experiments. The results demonstrate that the enhancement is due
to the corrosion products from the alumina polishing particles that are released into
the electrolyte.

7.2 The effect of the polishing media on HER

Polycrystalline gold electrodes polished with either alumina or diamond paste
were subsequently cleaned by ultra-sonication and flame annealing before being
characterized by cyclic voltammetry (CV). Recording CVs from 0 to 1.75 V vs. RHE is a
standard way to characterize polycrystalline gold electrodes3? It provides
information about the electrochemical active surface area (ECSA) through the
charge associated with the gold reduction peak. Gold is considered an ideal
electrode for fundamental studies, due to its extensive double layer region (from O
to 1.3 vs. V vs. RHE in acid) and weak chemisorption of species in comparison to Pt,
for example.3® As depicted in Fig. 7.1 independent of the polishing media used
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(alumina or diamond), the gold displays a similar broad oxidation peak, starting at
1.35 V vs. RHE. During the backward scan, one sharp reduction peak is observed at
1.18 V vs. RHE, related to the reduction of the formed gold oxide layer. The double
layer region, between 0.1 and 1.3 V vs. RHE, does not change significantly with the
polishing media. Minor differences in ECSA can be observed, although repeated
experiments show that these are not related to the polishing media, but to using
different electrodes.

Even though the CVs of the gold electrodes polished with diamond or
alumina look similar, observation of the electrodes under a Scanning Electron
Microscope (SEM) shows that a considerable number of particles remains at the
surface even after carrying out the standard cleaning procedures described in the
Methods section (Appendix D). As can be seen in the SEM images from Fig. 7.2b,
samples polished with alumina get contaminated with particles of various sizes
(from 100 nm to 3 um). Additional SEM images at different magnifications can be
found in Fig. D.1a and Fig. D.1b in Appendix D and show that the alumina particles
are evenly distributed over the whole surface. In the case of diamond (Fig. 7.2a),
mainly large and randomly spaced particles can be found, in much smaller amounts
compared to alumina. The line structure observed in Fig. 7.2a on the flat region is
believed to be soot, formed during flame annealing. The elemental composition of
the particles was investigated by EDX. Line scans through the particles found in the
alumina polished sample show that the gold signal intensity decreases when the
beam approaches the particles while the aluminium and oxygen signals increase
(Fig. 7.2b). This shows that the particles come from the polishing media and are
ascribed to Al,Os. The Al/O ratio does not agree with the stoichiometry, because of
the different interaction depths for different elements (resolution of the technique)
and the standardless quantification method used.>* For a given beam energy, the
interaction volume will decrease with increasing atomic number. EDX line scans
performed on the diamond polished electrode show that through the particles, the
carbon signal increases as the gold signal decreases, whereas no signal for oxygen
is observed (Fig. 7.2a). Again, it is confirmed that the particles come from the
diamond suspension. It is important to point out that trace amounts of carbon are
found in all the samples, due to beam-induced hydrocarbon contamination (both
from the instrument and from the sample).3> The amount of carbon found will
depend, for example, on the period of time the beam interacts with the surface and
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Fig. 7.1. Cyclic voltammetry of polycrystalline gold electrodes polished with either alumina
or diamond suspension in 0.1 M H,SO4 taken at a scan rate of 50 mV s7%. The inset shows
part of the gold double layer region.
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Fig. 7.2. SEM micrographs and EDX line spectra of gold electrodes after polishing with a)
diamond and b) alumina. The lines refer to the following signals: (=) CK, (=) O K, (=) Al K
and (=) Au M.
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the acceleration voltage. The carbon contamination cannot be detected by cyclic
voltammetry characterization.

According to suppliers of polishing media, gold should be polished with
diamond suspensions down to 1 um and the last polishing step should be carried
out with alumina paste (0.05 pm).3® However, they also mention that soft metals like
gold are highly prone to diamond embedding. In most work found in literature
(including the ones cited in this paper), alumina is the polishing medium of choice
for gold electrodes. This is because it is easier to obtain a scratch free, mirror-like
finish polishing with alumina than with diamond. It is also important to point out
that the surface preparation not only influences the surface morphology but also
the reproducibility of electrochemical experiments and the surface cleanliness. In
the present work we have only polished and flame annealed the gold electrode, in
order to avoid contamination and to have the best reproducibility. A brief
explanation on how other treatments, such as chemical etching and
electropolishing, affect the surface as well as SEM micrographs can be found in Fig.
D.2 in Appendix D, along with a more detailed reasoning of the electrode
preparation method chosen for this work.

Considering the large number of polishing particles that remain on the
electrode surface even after the standard cleaning procedures, it is surprising that
their blank voltammetry is practically identical (see Fig. 7.1). To probe if the particles
can influence electrochemical reactions, we have performed HER experiments. Fig.
7.3 shows the curves obtained for HER on gold electrodes polished with either
diamond or alumina in the pH = 3 Li,SO, electrolyte. Surprisingly, a significant
increase in current density is observed for the alumina polished sample, especially
at potentials below —0.8 V vs. RHE. The voltammogram clearly has two different
regions. The first cathodic peak observed between 0 and 0.7 V vs. RHE, is attributed
to the reduction of protons (2H* + 2e™— H,).3” A peak in the current is observed
because the reaction rate is limited by diffusion of protons towards the surface. As
the diffusion layer thickness increases and the local pH becomes more alkaline, a
proton concentration gradient is built up. The peak current depends on the proton
concentration in the electrolyte. In the second region, between -0.8 and -1 V vs.
RHE, the reduction of water takes place (2H,0 + 2e™— H, + 20H").
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Fig. 7.3. Cyclic voltammogram of hydrogen evolution on gold electrodes polished with
alumina or diamond. CVs were recorded in 0.1 M Li,SO,4 (argon saturated, pH = 3) and
taken at a scan rate of 50 mV sL.
Based on the curves shown in Fig. 7.3, the reduction of H,O is more affected

by the alumina contamination than the reduction of protons. The latter is also
confirmed by calculating the Tafel slopes. For proton reduction 101 and 100
mV dec! were found for the alumina and diamond polished samples, respectively.
For water reduction, a lower Tafel slope was found for the alumina polished sample
in comparison to the diamond polished sample. The topography and composition of
the electrodes was also observed in the SEM directly after the HER experiments. SEM

micrographs and EDX spectra can be found in Fig. D.3 in Appendix D. These data
in Fig. 7.2, ie. the electrocatalytic

show the same situation as shown
experiments have no significant influence on the density, size, and composition of

the contaminating polishing particles. In addition, the sulphur signal was also
monitored in the EDX line scans after HER, as the reaction was carried out in a
sulphate containing electrolyte. However, no significant S signal could be

determined.

7.3 Addition of AI** to the electrolyte
To elucidate why the HER activity increases in the presence of alumina

particles, it is necessary to understand how stable these particles are in solution at
different pH. According to the Pourbaix diagram of aluminium3® at pH values
below 4 and potentials between -1.69 and 1.9 V vs. RHE, alumina (Al,Os) undergoes
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corrosion leading to the release of AI** ions in solution through the following
reaction: Al,O3:H,O + 6H* — 2A13* + 4H,0. It has been shown that alkaline earth
cations can strongly influence hydrogen evolution, although the exact mechanism
behind it is not yet fully understood.?® To observe if AP* has an effect on HER,
different amounts of Al;,(SO,); were added to the background electrolyte (0.1 M
Li,SO,). The gold electrode was polished with diamond, flame annealed and
characterized before each addition experiment. The characterization CVs before HER
can be found in Fig. D4 in Appendix D, where a very reproducible surface was
obtained by flame annealing prior to each run. Fig. 7.4a shows the HER current
densities obtained in the presence of different concentrations of Aly(SO,); in the
electrolyte. An increase in the water reduction current is observed, which strongly
indicates that the aluminium ions released in solution (due to corrosion of the
alumina particles) are responsible for the enhancement in the HER activity on gold.
In addition, it can also be seen in Fig. 7.4a that high concentrations of aluminium
cations (above 250 uM AP**) lead to a second reduction peak at -0.6 V vs. RHE. It is
important to point out that the observed current cannot be due to aluminium
plating on the gold electrode. The charge associated with the deposition of a full
monolayer of aluminium on the electrode would be much lower than obtained, in
the order of 600 uC cm™. In addition, the potential window used is above the
equilibrium reduction potential of AI** at pH = 3 (-1.6934 V). Based on the CVs
displayed in Fig. 7.4a, we estimate that the corrosion of the alumina particles during
the experiment from Fig. 7.3 leads to an AI** concentration of less than 50 uM (near
the electrode surface). The Tafel slopes were calculated and at high overpotentials,
where the activity for water reduction is higher, the Tafel slope decreases 30 mV
dec! in the presence of micro molar concentrations of AP**. This difference
underpins how strongly the AI** cations affect HER. The gold sample was also
characterized after the last HER experiment was performed (with the addition of 500
MM Al5(SOy)3). The cyclic voltammograms can be found in Fig. D.5a in Appendix D,
showing no apparent changes in the gold blank voltammetry. However, by
subsequently analysing the electrode with SEM and EDX (Fig. 7.4b), flakes were
found on the surface. Through EDX, it can be seen that these flakes are composed of
aluminium and oxygen. A SEM micrograph taken at lower magnification can be
found in Appendix D (Fig. D.5b) and shows how homogeneously distributed the
deposits are.

Considering the speciation diagram of aluminium (see Fig. D.6a) in Appendix
D), at pH above 5 and at high enough AI** concentration, AI** precipitates as
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Fig. 7.4. a) Cyclic voltammogram of hydrogen evolution on gold electrodes polished with
diamond. CVs were recorded in 0.1 M Li,SO4 (argon saturated) at a scan rate of 50 mV s'%.
For each curve, different amounts of 0.01 M Al;(SO.); were added to the electrolyte. Each
experiment was done with a fresh electrolyte mixture with a freshly prepared electrode. b)
SEM micrographs and EDX line spectra of gold electrodes after hydrogen evolution in 0.1
M Li>SOs (argon saturated) with the addition of 500 uM Alx(SO4)s. The lines refer to the
following signals: (—) CK, (—) OK, (—) Al K, (=) AuMand () SK.

Al(OH);. Even though the bulk pH of our experiments is acidic (pH = 3), during
HER, the pH at the electrode surface will be more alkaline. This creates the
required environment for Al(OH); precipitation. The fact that AI** can deposit on
the surface as hydroxide at increased local pH also means that if an electrode is
contaminated with alumina particles and used for experiments during a whole
day, the surface composition will not be reproducible throughout all the
measurements. As previously shown, these differences will not be apparent
in the blank cyclic voltammetry.

To further confirm that AlI** deposits at the electrode surface as aluminium
hydroxide during HER, the reaction was also performed on a gold electrode
polished with diamond in 0.01 M pure Al;(SO,);. The electrolyte concentration here
is lower than in the previous experiments, due to the slow dissolution kinetics of
the aluminium salt. Fig. 7.5 shows the CVs for HER in pure Aly(SO,);, together with
the curves from Fig. 7.3 for comparison. Larger current densities are obtained in the
pure Al** containing electrolyte, in comparison with HER performed in pure Li,SO,.
These results are in agreement with Fig. 7.4a, where the addition of small amounts
of AP* to the background electrolyte lead to a 3-fold increase in the HER current
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Fig. 7.5. Cyclic voltammogram of hydrogen evolution on gold polished with diamond
paste taken at a scan rate of 50 mV s in 0.01 M Aly(SO4); (argon saturated, pH = 2.7). The
CVs from Fig. 7.3 are added for comparison.
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Fig. 7.6. a) SEM micrographs and b) EDX line spectra of the gold electrode after
hydrogen evolution in 0.01 M Al(SO4)s. The lines refer to the following signals: (—) C K, (—)
OK, (—) AlK, (—)AuMand () SK.

117



Chapter 7

density. After the HER experiment, SEM and EDX were performed in order to
characterize the electrode topography and composition. As shown in Fig. 7.6a,
after HER in pure Aly(SO,); the electrode was fully covered with an aluminium
hydroxide layer. Plates, in average 128 +14 nm thick, are present on the surface
with the spacing in between them ranging from 1 to 3 um. According to EDX (Fig.
7.6b) they are composed of Al, O, and S, but a low signal for gold is still obtained. As
previously mentioned, the latter is due to the depth resolution of the technique
compared to the hydroxide layer thickness. The region in between the plates is
composed of Al, O and again Au, however no sulphur was detected (see Fig. D.7 in
Appendix D). The presence of sulphur in the plates as well as their morphology
leads to the conclusion that they are layered aluminium hydroxide sheets. The
planar sheets are composed by alumina octahedrons, where each aluminium ion
shares 3 pairs of OH™ with 3 other AP?*. They are intercalated, in this case, with
sulphate ions. See the top and side view of the Al(OH); sheets molecular structure in
Appendix D (Fig. D.6). Our findings are also supported by comparison with the work
of Guo et al* where zinc and aluminium double layered hydroxides were
synthesized and the aluminium layer has similar morphology as we obtained (Fig.
7.6a). The gold electrode was also characterized by cyclic voltammetry before and
after the hydroxide layer was present on the surface. Surprisingly, the gold CVs
nearly overlap (see Fig. D.8 in Appendix D), which not only indicates that the
hydroxide plates do not affect the apparent electrochemically active surface area,
but are highly porous, so that species in the electrolyte can easily reach the gold
surface.

Considering that the voltammetry of the gold was unaltered in the presence
of the aluminium hydroxide layer, the activity of this Au-Al(OH); modified electrode
was also tested for HER. Results can be seen in Fig. 7.7 and show that the HER
current for both proton and water reduction obtained during the first cycle is
equivalent to that obtained when the electrode is contaminated with alumina
particles. During subsequent cycles, two proton reduction peaks are observed and
the current due to water reduction increases, indicating that the concentration of Al®
* in the vicinity of the electrode surface is also increasing. It is important to notice
that during cycles 2 to 5 the proton reduction peak keeps decreasing, likely because
of a gradual increase in the local pH. This is expected, as in the presence of the
layered hydroxide on the surface, compared to the bare gold, species will take
longer to diffuse in and out of the pores. Again, after these HER experiments, the CV
of the gold electrode remains unaltered (see Fig. D.8 in Appendix D).
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Fig. 7.7. Cyclic voltammogram of hydrogen evolution on gold-Al(OH); modified electrode
taken at a scan rate of 50 mV st in 0.1 M LizSO4 (Argon saturated, pH = 3).

7.4 Alumina removal from the surface

Contaminating alumina particles can of course be removed, by also removing
layers of gold. However, for full removal, many electrochemical etching cycles are
required. In Fig. D.9 in Appendix D we show that after 2 etching cycles of 1 min in
0.1 M H,SO,4 (normally 1 etching cycle is performed, for 20 seconds), increased
activity for HER is still found. A more detailed discussion on the advantages and
disadvantages of prolonged etching is available in Appendix D. Other surface
cleaning methods can also be effective for the removal of the polishing
contaminants as, for example, sputtering. However, this technique requires ultra-
high vacuum (UHV) experiments, which significantly complicates the experimental
setup. Thus, mechanical polishing is still the most common surface preparation
method in electrochemical studies. Based on the data shown in this work, we believe
that a diamond suspension is a safer polishing medium (even though it might lead
to a worse surface finish) than alumina, to completely avoid affecting the catalytic
activity of electrodes. However, if alumina is employed and only the standard
cleaning procedures are performed (mild etching and flame annealing), it is
important to be aware that alumina particles on electrode surface corrode in acidic
media and release AI** in the electrolyte. The latter is of extreme importance as
cations have shown to influence not only hydrogen evolution but also reactions like
CO* and CO reduction®’, oxygen evolution®3, oxygen reduction, methanol
oxidation, among others. #4546 It is also important to highlight that the presence of
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surface contaminants cannot be clearly seen by electrochemical characterization of
the electrode. Therefore, it is advisable to always use complementary techniques
like SEM and EDX to evaluate the surface morphology and composition, no matter
which surface pre-treatment was employed.

7.5 Conclusions

Even though polishing is a common electrode preparation method, it may
have profound effects on the electrochemical and electrocatalytic reactivity of the
electrode. In the present work, we have polished gold samples with either diamond
or alumina and evaluated how the polishing medium influences the catalytic activity
for hydrogen evolution in mildly acidic electrolyte solutions. Results show that
polishing with alumina, despite subsequent electrode cleaning, leads to
contamination of the surface with Al,O; particles. Polishing with diamond also leads
to contamination, but with significantly fewer particles remaining on the surface.
The gold electrodes polished with alumina show higher activity for the water
reduction reaction than the ones polished with diamond, due to corrosion of the
alumina particles and release of AI** cations in the electrolyte. The former was
confirmed by an increase in HER currents for an electrode polished with diamond,
when adding micro molars of APP* to the background electrolyte. The cations
influence water reduction much stronger than proton reduction. Furthermore, we
show that by observing the aluminium speciation diagram, it is possible to predict
at which pH and applied potentials alumina particles will undergo corrosion or not.
We also found that due to an increase in the local pH during HER, even small
amounts of Al3* cations deposit on the gold surface as AI(OH)s. At high
concentrations (pure AI** containing electrolyte) layered hydroxides are formed,
intercalated with sulphate anions. The alumina contamination can be remediated
by the removal of gold layers, which can be achieved by chemical etching, for
example. However, several etching cycles are necessary for complete removal and
can significantly increase the surface roughness. We hope that our work raises
awareness of the potential effects of surface preparation and contamination. This
becomes crucial, for example, when studying electrolyte effects on electrochemical
reactions. Cations do not only have an effect on hydrogen evolution, but also on
many other electrochemical reactions. Therefore, when working in acidic and
neutral media, we recommend to polish electrodes with diamond suspensions or
other stable polishing media.
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Chapter 8

Abstract

The electrocatalytic reduction of carbon dioxide is widely studied for the sustainable
production of fuels and chemicals. Metal ions in the electrolyte influence reaction
performance, although their main role is under discussion. Here, we have studied
CO; reduction on gold electrodes through cyclic voltammetry showing that without
a metal cation the reaction does not take place in a pure 1 mM H,SO, electrolyte.
We have further investigated CO, reduction with and without metal cations
in solution using Scanning Electrochemical Microscopy in the surface-generation
tip-collection mode with a platinum ultramicroelectrode as a CO and H, sensor.
CO is only produced on gold, silver or copper if a metal cation is added to the
electrolyte. Density Functional Theory simulations confirmed that partially
desolvated metal cations stabilize the CO,  intermediate via a short-range
electrostatic interaction, enabling its reduction. Overall, our results redefine
the reaction mechanism, providing definitive evidence that positively charged
species from the electrolyte are key to stabilize the crucial reaction intermediate.
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8.1 Introduction

The electrochemical carbon dioxide reduction reaction (CO,RR) into fuels and
chemicals has recently gained significant attention as a way to close the chemical
carbon cycle and to store excess renewable electricity in fuels and chemicals. Good
activity and selectivity of the CO,RR are crucial to make the process industrially
viable. In aqueous media, CO, reduction on metals such as gold and silver yields
almost exclusively carbon monoxide (in addition to hydrogen from the competing
proton/water reduction), while on copper C-C bonds are formed.! Tailoring the
catalyst surface is the most common way of steering activity and selectivity.
However, it is well known that the electrolyte composition, especially pH and cation,
has a strong impact on the reaction.?* To date, in the majority of the studies, alkali
metals have been employed and the activity trend found on different electrodes is
Cs* > K* > Na* > Li*.>*3 Even though this trend is consistent in different research
works, diverging theories have been proposed to explain through which molecular
mechanism cations affect CO, reduction.

There are three main theories which explain how cations at the interface
affect the activity and selectivity of electrocatalytic processes, as recently reviewed
by Waegele et. al.** modification of the local electric field, buffering of
the interfacial pH or stabilization of reaction intermediates. On a negatively
charged metal electrode, there is still no agreement if cations adsorb specifically,
or if their interaction with the surface is purely electrostatic.>?” Especially
concerning CO,RR, Hori and Murata presented one of the first explanations on
how metal cations affect the reaction.!®® Based on Frumkin's theory?’, they
proposed that cations change the potential profile in the electric double layer
through specific adsorption. Weakly hydrated cations lead to steeper potential
gradients from the electrode surface towards the outer Helmholtz plane (OHP)
compared to strongly hydrated species. More recent studies have ruled out
specific adsorption and instead suggested that under CO,RR conditions cations
accumulate near the surface via non-covalent interactions giving rise to high
electric fields in the vicinity of the ion.?’2 For instance, Ringe et al. employed
a continuum electrolyte model to show that weakly hydrated cations are more
concentrated at the OHP and thus induce a higher mean electronic surface charge
density, which in turn leads to an enhanced CO,RR activity and selectivity. A
modification of the potential across the plane where the electron transfer
happens is proposed to change the apparent activation energy of the
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overall reaction, affect the interfacial water energetics, and influence CO;
adsorption.

In contrast to the Frumkin-type local electric field effect, the second theory
was put forward by Singh et al.?* proposing that cations affect the CO,RR by
buffering the interfacial pH. Even though alkali cations do not undergo hydrolysis in
the bulk, near the negatively charged cathode surface the hydration shell of large
cations will experience a stronger electrostatic field, which decreases their pK, of
hydrolysis. Ayemoba and Cuesta® probed the pH at a gold-electrolyte interface
using Attenuated Total Reflection Surface Enhanced Infra-Red Spectroscopy (ATR-
SEIRAS) and based on the ratio between the integrated intensity of the CO, and
HCO;™ bands, the authors show that larger cations are better buffers and lead to
lower pH changes at the interface. Zhang et al.?® performed similar pH
measurements using a Rotating-Ring-Disc Electrode (RRDE) and found that during
CO; reduction in bicarbonate electrolyte the interfacial pH follows the trend: Li* >
Na* > K* > Cs™.

The third theory, introduced by Chen et al.?? and further developed in the
work of Resasco et al.?’, suggests that metal cations stabilize certain CO, reduction
reaction intermediates through local electrostatic interactions within the electrical
double layer. Specifically, the study of Resasco et a/?’ focused on the effect of alkali
cations on CO; reduction over Cu(100) and Cu(111) thin-film electrodes and Ag and
Sn polycrystalline electrodes. The formation of CO was suggested to happen
through the reaction intermediates shown in Eq. 8.1-8.3:!

CO, + e +*— *COy Eqg. 8.1
*CO, + H* — *CO,H Eq. 8.2
*CO,H + H* + e — *CO + H,0 Eqg. 8.3

The selectivity trends reported in Ref. 27 are explained through Density
Functional Theory (DFT) simulations on a surface/solvated cation interface
optimized via constrained minima hopping molecular dynamics. Solvated cations
with larger ionic radius experience a stronger driving force to accumulate near the
surface.?” As previously demonstrated by Chen et al.,?? high local electrostatic fields
generated by solvated cations can locally stabilize adsorbed intermediates with
large dipole moments. Thus, the higher activity observed for CO, reduction on
copper in the presence of larger cations was attributed to a higher concentration of
such cations in the OHP.%

To test the above models, in this Chapter, we carry out CO, reduction
experiments on polycrystalline gold, which is a stable and simple electrocatalytic
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system that, under the conditions of this study, yields only CO and H,.
Measurements are performed in the total absence of metal cations (at pH = 3) and
in the presence of small amounts of Cs*. Using Scanning Electrochemical
Microscopy in the surface-generation tip-collection mode (SG-TC) as an extremely
sensitive technique to detect CO, reduction products, we show that without a metal
cation in solution, CO, reduction does not take place. This remarkable observation is
extended to other common catalysts like copper and silver. Of the three models
existing in literature, only the model which considers electrostatic interactions
between metal cations and key intermediates can explain this observation. We
further confirm the role of cations through DFT-based ab /nitio molecular dynamics
(AIMD) simulations on a gold/cation/solvent system where we prove the
stabilization effect of partially desolvated metal cations on CO, adsorption,
activation and formation of the CO, intermediate. While our results, in principle,
do not exclude the validity of the other two models, they nonetheless clearly show
that the main role of the metal cation is to stabilize the key CO,™ intermediate, to the
extent that in its absence, CO, reduction does not take place. This conclusion has
important implications for CO,RR modeling and catalyst design.

8.2 Hanging meniscus experiments

In order to elucidate the role of metal cations in the CO,RR, the reaction was
first studied through cyclic voltammetry (CV) using a gold electrode in hanging
meniscus configuration. On gold, under the conditions of this study, CO, is reduced
in the cathodic scan producing only CO. The competing hydrogen evolution
reaction (HER) occurs due to the reduction of protons or water, depending on the
interfacial proton concentration. As gold is also a very good catalyst for CO
oxidation, the CO produced can be probed semi-quantitatively by directly cycling
the electrode to positive potentials. The gold electrode used in this study was
characterized by blank voltammetry before each measurement (Fig. E.1 in Appendix
E), in order to assure cleanliness of the surface, comparability and reproducibility of
the experiments, and to allow the determination of the electrochemically active
surface area. This consecutive cathodic/anodic cycling was performed first in argon
and subsequently in CO, atmosphere.

Fig. 8.1a compares the cathodic scans obtained in the absence of a metal
cation (in 1 mM H,SO,4) and in the presence of 280 uM of Cs*, both solutions at bulk
pH = 3. Note that an experiment in the absence of metal cations (which is the focus
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Fig. 8.1. CO; reduction on gold with and without 280 uM Cs* in solution. a) Cathodic scans
recorded in argon and CO, atmosphere together with b) the subsequent recorded anodic
scans performed to oxidize any CO produced. All CVs were recorded at 50 mV s,

of this work) can only be performed at this or at a lower pH, as for a higher pH
without metal cations the electrolyte conductivity would become prohibitively
small. Still, due to the local production/consumption of OH/H*, the alkalinity at the
interface increases during the course of the reaction. In argon, when only hydrogen
evolution is taking place, the proton reduction current is lower and reaches
diffusion limitation at lower overpotentials in the presence of Cs*. This is likely due
to migration, which with Cs* in solution leads to a lower concentration of protons
near the surface. This is further confirmed by the fact that if we increase the Cs*
concentration (at the same pH = 3), the proton reduction current is even lower (Fig.
E.2 in Appendix E). In CO, atmosphere, the reduction current increases more
significantly in the presence of 280 uM Cs* while almost no increase is observed in
pure H,SO4. In Fig. 8.1b, we show that in the absence of Cs* no CO is detected in
the anodic scan and the only current observed is due to charging of the electrical
double layer, which nearly overlaps for both gaseous atmospheres. With Cs* in the
electrolyte a large anodic current due to the oxidation of the CO produced is
observed. Differently from CO, reduction, CO oxidation does take place in the
absence of a metal ion in the electrolyte, as is seen in the control experiment (Fig.
E.3 in Appendix E). To further confirm that Cs* is crucial for enabling the CO;
reduction reaction, which causes the CO oxidation current observed, we have
gradually added different amounts of Cs* ions to the electrolyte (Fig. E4 in
Appendix E). The amount of CO produced increases as a function of the Cs*
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based on three individual measurements.

w D Ul
(] o (]
- N
[7,]
+
@

N
o

=
o

COox charge density / uC cm™

Hzo*
(]

o

1 2 3 4
M'-0 bond length / A
Fig. 8.3. Effect of the cation identity. CO detected on the gold sample directly after CO;
reduction from 0 to =1.2 V vs. RHE in 1 mM M3SO4 with M = H, Li, Na, K, Cs. All solutions,
when necessary, were adjusted to pH = 3. The M*—0O bond length is taken as the first peak
of the cation-water radial distribution functions calculated from AIMD data, Table E.1 in
Appendix E, whilst in the absence of a metal cation we used the proton-oxygen bond
length.? Error bars are calculated based on three individual measurements.
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concentration in the electrolyte, as derived from the CO oxidation currents from the

CVs. Three subsequent CVs were recorded for every concentration and the trend
remains the same over the different cycles.

This enhancement in the CO production by the addition of Cs* ions was
investigated in a broader concentration range using Li,SO, as background
electrolyte at pH = 3. Here, the total cation concentration is kept constant (0.1 M)
to avoid contributions of having solutions of different ionic strengths. The gold
electrode was cycled from 0 to -1 V vs. RHE in the different electrolytes and the CO
produced is oxidized in the positive-going scan, similarly to previous experiments
(Fig. 8.1). The cyclic voltammetry is presented in Fig. E.5 in Appendix E and the
charge of the CO oxidation peak found for the different concentrations of Cs* is
depicted in Fig. 8.2. Already with the addition of less than 1 mM of Cs* to the
electrolyte a steep increase in the CO production is observed. At higher
concentrations, a saturation effect appears as the CO production approximates to
a plateau.

We have also used the cathodic/anodic voltammetry during CO; reduction
on gold to evaluate different metal cations in the dilute electrolytes used in this
work. The gold electrode was flame annealed and characterized before each
measurement and the blank voltammograms can be seen in Fig. E.1 in Appendix E.
Experiments were performed in 1 mM M,SO, where M = H, Li, Na, K, Cs. All
solutions, if necessary, were adjusted to pH = 3, to exclude pH effects. Fig. 8.3 shows
the CO oxidation charge of the first anodic cycle recorded after performing CO,
reduction from 0 to —1.2 V vs. RHE. The activity for CO formation is correlated with
the size of the solvated cation, here represented by the cation-oxygen (M*-H,0)
bond length. Bond length for each alkali metal is taken as the first peak of cation-
water radial distribution functions calculated from AIMD data (Table E.1 in Appendix
E) and for the cation-free electrolyte, the proton-oxygen (H*-H,0) bond length is
used.”® In agreement with the previous results, no CO, reduction product is
observed inthe absence of a metal cation while inthe M,SO, electrolytes the activity
for CO production follows the usual trend reported for other metal surfaces: Cs* >
K* > Na* > Li*.3 We observe a strong correlation between activity and the cation
size, which is related to a softer hydration shell, thus favoring the production of CO,
in the Computational Model section.
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8.3 Scanning Electrochemical Microscopy (SECM)

To confirm that in the absence of a metal cation absolutely no CO is produced
on gold and to extend the study to silver and copper, relevant CO,RR catalysts
which are not good for CO oxidation, we have employed Scanning Electrochemical
Microscopy (SECM) in the SG-TC mode to detect CO, reduction to CO. A
schematic representation of the experiments is shown in Fig. 8.4a, where a
platinum ultramicroelectrode (Pt-UME) is placed in the diffusion layer above the
substrate electrode where CO, reduction takes place. The platinum voltammetry is
extremely sensitive to trace amounts of CO, as CO strongly chemisorbs on the
surface and can be removed by oxidation.?® Platinum is also a suitable catalyst for
hydrogen oxidation, thus we can also detect hydrogen produced due to HER.
SECM was used here because of the higher sensitivity that it provides to detect CO,
in comparison with other product analysis techniques such as Gas Chromatography
(GC) and Differential Electrochemical Mass Spectrometry (DEMS). The procedure
used for all measurements is shown in Fig. 8.4b. A negative potential is applied to
the sample for 10 seconds and subsequently a cyclic voltammogram of the Pt-UME
is recorded. Special care was taken with the samples and electrolytes used in these
experiments, to make sure traces of metal impurities would not mislead our
conclusions. The Pt-UME was prepared and characterized before each measurement.
A blank voltammogram of the Pt-UME can be seen in Fig. 8.4c showing the
expected voltammetric features of a clean polycrystalline platinum surface.®® The
polycrystalline gold, copper and silver samples used were also characterized
before the measurements as shown in Fig. 8.4d, Fig. 8.4e and Fig. 8.4f, respectively.
The voltammetry of copper and silver electrodes used for CO,RR studies is
rarely shown in literature, despite its importance to determine the quality of the
surface preparation and consequently reproducibility of the experiments. Here,
silver was characterized through the reversible TI(I) underpotential deposition (UPD),
which is used to assess the surface cleanliness and crystallinity.3! This is seen by the
presence and reversibility of the peaks from Fig. 8.4e. To evaluate the copper
sample, the electrode was characterized in concentrated hydroxide solution, and
the current due to the adsorption and desorption of OH™ can be observed in the
region of Cu,0 formation, also indicating the surface crystallinity.3
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Fig. 8.4. SECM measurement scheme and characterization of the electrodes used. a)
Schematic representation of the SECM experiment and b) method used to perform the
measurements; c) Blank voltammetry of the Pt-UME used to perform the experiments taken
in 0.1 M H,SOg; Characterization of: d) the gold sample in 0.1 M H,SOy4; e) the silver sample
through TI(I) under potential deposition in 0.5 M Na;SO4 + 0.1 M HySO4 + 0.1 M TI,SO4; f)

the copper sample in 0.5 M NaOH. All sample characterization CVs were recorded at 50 mV
st
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reduction on a) gold, b) silver and c) copper electrodes. The voltammetry of the Pt-UME
before applying any potential to the sample is shown in light gray for reference.
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The SECM measurements were carried out in 1 mM H,SO, with and without
the addition of 280 uM Cs*. For each electrolyte, before CO, reduction, a control
experiment in argon was performed, where only hydrogen is expected as a product.
The Pt-UME was always positioned 50 + 2 ym from the surface by performing a
capacitive approach in air, which is essential for keeping the electrolyte free from
impurities.3*-3°> The uncertainty in the position is the error from the approach curve
fits. Approach curves are reported in Fig. E.6 in Appendix E. Fig. 8.5a shows the
results obtained for the gold electrode after applying a potential of -0.7 V vs. RHE
to the sample. In argon atmosphere, in the absence or presence of Cs* only current
characteristic to hydrogen oxidation can be seen in the Pt-UME voltammetry. In
CO; atmosphere, only when Cs* is added to the electrolyte a sharp peak due to the
oxidation of CO is seen, which confirms that CO, reduction on gold does not take
place in the absence of a metal cation in solution. Fig. 8.5b shows similar results for
the silver electrode at a potential of -0.8 V vs. RHE. As for gold, on silver CO,
reduction takes place only in the Cs* containing electrolyte, as confirmed by the CO
oxidation peak in the Pt-UME voltammetry. On copper the same trend is observed
when the sample is polarized at -1 V vs. RHE (Fig. 8.5¢). In the 1 mM H,SO,
electrolyte only hydrogen is detected by the Pt-UME, whilst CO is detected only
after addition of Cs* to the electrolyte. It must be noted that these individual SECM
measurements constitute only a qualitative tool to probe if CO is formed or not.
Due to various factors as the different sample potentials applied, bubble formation,
diffusion hindrance by the tip, the magnitude of the CO and H, oxidation currents
measured and their potentials cannot be used for a quantitative comparison
between the substrates. For silver and copper, the potential range applicable is
limited by the stability of the electrode. At more cathodic potentials, a small amount
of metal oxide dissolution is observed and the traces of Ag* and Cu?* ions released
into the electrolyte lead to the production of CO in 1 mM H,SO, (see Section E.3.2
in Appendix E for details).3® This happens as during the SECM approach, the
electrode surface is exposed to air, which can lead to the formation of (a very small
amount) of oxide on the surface. This is confirmed by the Pt-UME voltammetry (Fig.
E.7 in Appendix E), which presents voltammetric features characteristic of the under
potential deposition of Ag* or Cu?* on the Pt-UME surface.3”3

8.4 Computational model

To model the experimental system, we carried out DFT-based ab initio
molecular dynamics on a 3V3x3vV3-R30° Au(111) supercell (4 layers, 15.3 A x 15.3

136



Absence of CO, reduction without metal cations in solution

A x 30.0 A) with 72 explicit water molecules filling 15.0 A along Z, plus 8 A vacuum
thickness between periodic slabs (see Fig. E.8 in Appendix E, and Videos 1-5 in the
online version of the publication).® This pristine system (Au-H,0) is equilibrated for
2 ps at 300 K with a time step of 1 fs, as illustrated in Fig. 8.6a. Then, an alkali metal
cation M* (M = Li, Na, K, Cs) is inserted close to the gold surface, at an initial cation-
surface distance of 3.3 A. Upon optimization, the cation-surface distances increase
for each alkali metal (Fig. E.9 in Appendix E). To specifically investigate the local
interactions between cation and CO,, we kept the cation concentration at the OHP
constant, balancing the charge within the unit cell by including an OH at the fourth
water bilayer (see Methods in Appendix E). Given the volume of the solvation layer
and the number of water molecules, the cation surface coverage (0.04 ML)
corresponds to a concentration around 0.5-0.8 M. Since the initial position and
surface coverage are identical for each cation, any concentration effects are not
included in the model. We let the cation solvation shell build up for 2 ps and we
classify the final structures as Au-H,O-M* (Fig. 8.6a). The resulting cation-oxygen
radial distribution functions gu.-120(7) (EQ. E.6 and E.7, Fig. E.10) confirmed a proper
description of the cation coordination shell, since the estimated cation-oxygen
distances dj..o for water molecules in the first solvation shell agree with previous
experimental and theoretical results (Table E.1 in Appendix E). Furthermore, the full
width at half maximum (FWHM) for the first guu-n20(r) peak increases following the
alkali group, Li* < Na* < K* < Cs*, thus confirming that a larger cation ionic radius
implies a softer solvation shell. Finally, we estimate the cation coordination numbers
through the structural parameters previously defined (Eq. E8 and E9 in Appendix E).
The alkali cations exhibit an average coordination number of 2.8, 3.2, 3.5, and 5.8,
with maximum values of 3.9, 4.7, 4.9, and 8.0 for Li*, Na*, K*, and Cs* respectively, in
line with state-of-the-art reported values (see Table E.2 in Appendix E).*

After the equilibration of the Au-H,O-M* systems, we introduce a CO,
molecule at the electrolyte/surface interface in the proximity of the solvated cation
(Fig. 8.6a). Upon AIMD simulations for 2 additional ps, CO, adsorbs on the gold
surface in a n’co conformation (bidentate through the carbon atom and one oxygen)
and coordinates to the surrounding cation and water molecules through the second
oxygen. Due to its hard solvation shell, Li* coordinates to CO; for limited periods of
the AIMD runs, resulting in an average coordination number AV, ooz of 0.1 £ 0.3
(Fig. 8.6b, Table E.2 in Appendix E). Instead, other alkali metals continuously bind to
the oxygen atom in CO,, herein called O(CO,), resulting in the
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4
t(ps) t(ps)

Fig. 8.6. Cation coordination with CO,. a) Timeline for the ab /nitio molecular dynamics

simulation at 300 K: 2 ps pre-equilibration for the Au-H,O system, 2 ps for the Au-H,O-M*
system (cation inserted close to the surface, 9y = 0.04 ML), and finally 2 ps for the Au-H,O-
M -CO, system (CO, molecule adsorbed on Au). The portrayed cation is Li*. b) Alkali
cation” s coordination number, N0, vs. simulation time for the Au-H,O-M* system.
Dashed lines indicate CO; insertion in the supercell (¢ = 4 ps) and red continuous lines
indicate the increase in coordination number due to M*—-0O(COy).

following coordination numbers: My+-ocoz = 0.9 £0.2, Aki—ocoz = 0.9 + 0.4, and
Nesi—ocozy = 1.3 £ 0.5. Upon coordination to M—0O(CO,), the number of water
molecules within the cation’s coordination shell remains constant or slightly
decreases (Fig. 8.6b).

Partially desolvated cations have three promotional effects which enable CO,
reduction. The first effect is thermodynamic (Fig. 8.7a). When the cation coordinates
to the adsorbate, a short-range M*—0O (CO,) electrostatic interaction stabilizes CO,
more strongly than the solvation by water molecules alone by around 0.5 eV (Fig.
8.7a, Table E.3 and Eq. E.8 in Appendix E). Besides, there is a medium-range
interaction between the electric dipole of adsorbed *CO,™ and a cation-induced
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Fig. 8.7. CO, activation via explicit cation/intermediate interaction, driven by cation
concentration at the OHP. a) Average CO; adsorption Gibbs free energy at U= 0V vs SHE in
absence (gray) or presence of an alkali cation (light to dark brown), with CO, and
environment (Au-H,O or Au-H,O-M*) as energy references. b) CO; activation angle, a, and
CO, Bader charge, gco2, are shown in red and black, respectively, and reported in Table E.4
in Appendix E. Error bars are calculated as standard deviation of the data (see Methods). c)
Correlation between thermodynamic driving force at U = 0 V vs SHE for different alkali
cations to accumulate at the outer Helmholtz plane (OHP) and their ionic radius (see
Methods). Coefficients a= 1.5+ 04eV; b=15+08eV AL
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Fig. 8.8. Mechanism of CO; reduction to CO. Schematic representation of the interaction of
the cation with the negatively charged CO,™ intermediate together with a proposed reaction
mechanism.

electric field, which is irregular and modulated by the electrolyte, solvation and
neighboring cations (see Eq. E10 and E11 and Fig. E.11 in Appendix E). 22?7

Both short and medium-range cation-induced interactions account for an
equivalent stabilizing effect. Instead, in the absence of cations, the medium-range
*CO, -dipole/electric field interaction only accounts for weaker stabilization (-0.2
eV), unable to open the CO, reduction pathway (see Eq. E.12 and Fig. E12 in
Appendix E). The second promotional effect is the O-C-O angle « activation, which
decreases from linear 180° to below 140° in the presence of a neighboring cation
(Fig. 8.7b, red axis, Table E4 in Appendix E). Thirdly, upon coordination, cations
enhance the electron transfer from the catalytic surface to the CO, unit, as
demonstrated by the CO, Bader charges close to —1.0 |e7| (Fig. 8.7¢c, Table EA4 in
Appendix E). Thus, partially desolvated cations are crucial for the formation of the
CO, intermediate, the generally assumed rate-determining step for CO,
reduction.*! As a final remark, the activity trends based solely on cation radius (Fig.
8.3) originate both from different cation surface concentrations at the OHP (Fig.
8.7¢, Eq. E.8-12 in Appendix E)?” and their different ability to coordinate to *CO;",
which ranges from almost no bond for Li* to more than a bond for Cs*, Table E.2.
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8.5 Discussion and Conclusions

The results presented here show that without a metal cation in the electrolyte,
CO, reduction to CO does not take place, neither on gold, silver, or copper
electrodes. As discussed earlier, there are currently three major theories regarding
the main role of metal cations during CO, reduction: modification of the (local)
electric field, buffering of the interfacial pH and stabilization of reaction
intermediates via local field effects. All theories have been supported with
experiments and DFT models, and to some extent they all play a role on the CO,
reduction reaction. However, based on our experimental and theoretical results, we
rule out that the modification of the local electric field or buffering of the local pH
are the main reasons for the cation effects observed. These theories suggest that
the cation should just affect the CO, reduction rate and that this reaction should
still take place in cation-free electrolytes. Our results also confirm the view
suggested by Chen et al.?? and Resasco et al.?/, i.e. that a key role of cations on CO,
reduction is to stabilize negatively charged reaction intermediates, such as *CO,~
and *OCCO" via a local electric field effect. Besides the medium-range electric
field/electric dipole interaction, we show here an explicit short-range local
electrostatic interaction between partially desolvated metal cation and CO,
accounting for a similar stabilization. Fig. 8.8 shows our proposed reaction
mechanism based on the discussed experimental and computational results,
together with a pictorial representation. Here, we suggest that the cation is the
crucial promoter to enable the reduction process, by forming a complex with CO,
which allows the formation of the CO,™ intermediate. Additionally, as shown in Fig.
8.2, the more Cs* is added to the electrolyte, the more CO is produced, similarly to
ethylene formation on copper, which follows the cation radius trend: Cs* > K* > Na*
27 We propose that the differences in activity observed among the alkali cations for
CO; reduction are correlated with their different concentrations at the OHP (Fig.
8.7c) and their different capability of interacting with negatively charged
adsorbates, as indicated by significantly different cation-CO, average coordination
numbers over the 2 ps simulation time (Fig. 8.6b). Metal cations with a softer
hydration shell have a higher concentration at the interface and they show a stable
coordination with CO, (Na*, K*, Cs*, Fig. 8.6b), thus they are more likely to stabilize
it via a M"-O(CO,) local interaction. Instead, hard shell cations as Li* coordinate
poorly with CO,, thus they are less effective in enabling this stabilization effect.
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The knowledge that CO; can only be reduced in the presence of a metal
cation interacting with the CO;™ intermediate, has important implications. From the
system design point-of-view, research efforts should focus on finding species that
might have an even larger stabilizing effect on CO, than Cs*, such as large
multivalent cations*? or surfactants’. Additionally, from the reaction modeling
point-of-view, our results highlight that an accurate understanding of the
electrochemical activation of CO, on copper, silver, and gold must involve cations
and water. To simply assume a proton-coupled electron transfer as a first step in
DFT-based electrocatalysis fails to account for the stabilization of the key reaction
intermediates by electrolyte cations.®** Instead, we here show that the explicit
inclusion of cationic species allows the stabilization of the CO,™ intermediate by
around 0.5 eV and is needed to properly estimate its energy. Finally, our mechanism
suggests that, at least for a pH of 3 or higher, water is the relevant hydrogen/proton
donor, rather than hydronium itself which cannot activate CO,. As a result, the CO,
reduction reaction does not consume protons, but it generates OH". This statement
agrees with, and provides an explanation for, our recent observation that in mildly
acidic media, CO; reduction can completely suppress the proton reduction to
hydrogen, by neutralizing protons through the generated OH-, rendering the
protons no longer available for hydrogen formation.4
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The role of cation acidity on the
competition between hydrogen
evolution and CO, reduction on
gold electrodes
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Chapter 9

Abstract

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

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

Since the work of Hori and co-workers it is known that the species in the
electrolyte can influence the product selectivity and faradaic efficiency of the
CO,RR¥>Y Due to the strong effect that cations have on CO,RR, mainly alkali
metals in neutral or alkaline media have been investigated using copper®, silver!®
or gold®? electrodes. It has been established that the CO,RR activity increases in
the order: Li* < Na* < K* < Cs*. Three main theories have been suggested to explain
this trend, namely: local buffering at the interface?, changes in the (local) electric
field*12223 and electrostatic interactions with reaction intermediates???*. In Chapter
8, we elucidated that the key role of cations on CO,RR to CO is to stabilize the
negatively charged reaction intermediate, CO,~.% Specifically, we observe that
without a metal cation in the electrolyte, CO is not produced on gold, silver, and
copper electrodes. Through ab /nitio molecular dynamics simulations, we showed
that besides the medium-range electric field/adsorbate dipole interaction at the
interface, there is an explicit short-range local electrostatic interaction between the
partially desolvated metal cations and CO,. Additionally, we observe that the activity
trend reported for alkali cations originates both from different cation surface
concentrations at the Outer Helmholtz Plane (OHP) and their different intrinsic
ability to coordinate to adsorbed CO;. In the alkali cations group, these vary from
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low concentrations and almost no bond for Li*, to higher concentrations in the OHP
and almost double coordination between cation and CO, oxygens for Cs*.

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

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

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

To better understand how different metal cations (M”*) affect the competition
between the CO, reduction reaction (CO,RR) and hydrogen evolution (HER), we
studied these reactions through cyclic voltammetry using polycrystalline gold
electrodes. First, we studied the effect of alkali cations on HER and CO,RR in acidic
electrolytes (pH 3, 0.1 M M,SQO,), with M™ = Li*, Na*, K* and Cs*. Hydrogen
evolution was carried in argon purged solutions as shown in Fig. 9.1a, where a
cathodic current due to proton reduction starts at about -0.35 V vs. SHE and a peak
due to proton diffusion limitation is observed at —0.66 V vs. SHE. At more negative
potentials, the current decreases as the diffusion layer thickness increases. We find
that the cation identity does not affect the proton reduction current, both in the
kinetic and diffusion limited regimes, in agreement with our previous work where
the reaction was carried out in more dilute electrolytes.?> We also performed cyclic
voltammetry (CV) in CO, atmosphere (Fig. 9.1b) in order to distinguish the HER
current from the CO,RR current. At potentials more negative than —0.6 V vs. SHE,
an increase in the total current is observed in the order Cs* > K* > Na* > Li*.
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Moreover, CO, reduction happens in parallel to proton reduction already at low
overpotentials, with Cs* leading to the highest activity. As the potential is scanned
more negatively and the concentration of protons near the surface decreases, a
kinetic reduction current appears, which is a contribution from both water and CO;
reduction and follows the same cation trend. In a consecutively recorded positive-
going scan (inset of Fig. 9.1b) a faradaic current is observed due to the oxidation of
the CO produced after polarizing the electrode negatively, which in this work we
employ as a semi-quantitative analysis of the amount of CO produced. Blank CVs
of the gold electrode before the measurements are shown in Fig. F.2 in Appendix F.

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

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

9.3 Effect of multivalent cations on proton and water reduction

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

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

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

9.4 Cation hydrolysis

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

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

Once the local pH reaches the pK, of hydrolysis of the different species,
hydronium ions are produced locally and will be readily reduced at the surface,
giving rise to the second proton reduction regime from Fig. 9.3a. This happens at
more acidic local pH (lower overpotentials) for Al** cations, in comparison to Be?*,
Nd3*, and Ce?*, as typically, the larger the charge and the smaller the radius, the
lower the pH at which the metal cation will hydrolyze. Note that for Nd** and Ce?*,
which have the same pKa, the second proton reduction regime indeed starts at
nearly the same potential. Be?* is again an exception, as it also forms complexes

157




Chapter 9

with the sulfate ions in the electrolyte, which delays the hydrolysis reaction.®* Hao
et al.3> argue that Be?* ions are protected from hydrolysis by the formation of BeSO,
ion pairs, and that most of the hydronium ions produced by hydrolysis are initially
converted to bisulfate ions. For all cations shown in Fig. 9.3a, as the local pH
becomes more alkaline (due to the increase in water reduction current at more
cathodic potentials), more water molecules undergo hydrolysis, forming polymeric
species of various stoichiometries, depending on the cation charge, size, and
coordination number.3¢ Eventually, at sufficiently alkaline local pH, a solid hydroxide
layer can form on the electrode surface, whose properties will depend on the
temperature, anions, ion concentration (Eg. 9.3), where nis the charge of the cation
and Nis the number of water molecules within its coordination shell.

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

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

We see that the first regime of proton reduction (at low overpotentials) is not
influenced by the metal cations in the electrolyte. Still, acidic cations give rise to a
second proton reduction regime, due to a local discharge of protons near the
surface upon cation hydrolysis. The potential at which this is observed, is a function
of the pK, of hydrolysis. For water reduction, we find that the activity increases
going from mono- to di- to trivalent cations due to the effect that acidic cations
have on the water dissociation step. Within a valence group, weakly hydrated
cations lead to higher activity, as our previous study suggests that these species
accumulate more at the OHP. Next, we investigate the consequences of these
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trends found for HER on the activity of CO, reduction, by carrying out the reaction
in CO, atmosphere in the same electrolytes from Fig. 9.2.
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Fig. 9.3. a) Hydrogen evolution cyclic voltammetry performed at pH 3 in 0.1 M Li;SO4 + 1
mM M7 electrolytes with M7* = Be?*, AP*, Nd3*, Ce3*. An anodic scan recorded directly after
HER is shown in the graph inset. b) Schematic representation of the mechanism of cation
hydrolysis and c) pK, of hydrolysis of the different species, taken from Ref 36.

9.5 Effect of multivalent cations on CO, reduction

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

Remarkably, looking at the absolute amounts of CO produced at low
overpotentials (see inset of Fig. 9.4a and Fig. 9.4b), we see the opposite trend, where
more CO is formed in the presence of more acidic cations. To make clearer the
differences in activity for CO at low and high overpotentials, and to compare the
results in sulfate with perchlorate, we normalized the CO,, charge densities from
Fig. 9.4a and Fig. 9.4b to the CO,, charge density obtained in the pure Li,SO, or
LiClO4 background electrolytes, respectively. This results in the relative activities
depicted in Fig. 9.4c. Values above 1, represent cations that show higher activity for
CO than Li* at a given potential, and values below 1 represent cations for which the
CO,RR is less active than in pure Li* electrolyte. Please note that these are only
relative activities, i.e., the higher ratio for Ba?* does not mean CO,RR is more active
in a Ba?* electrolyte than Cs*, as these were measured with electrolytes of two
different anions. We can, however, infer that in both Ba?* and Cs* electrolytes the
activity for CO is higher at large overpotentials. With that in mind, we see in the
results from Fig. 9.4c that at potentials more positive than -0.5 V vs. RHE, the more
acidic cations lead to the production of more CO. At these potentials, the main
branch of HER competing with CO,RR is proton reduction, which is a reaction that
is not affected by the cation identity, meaning that here the cation can selectively
enhance CO3RR. As proton reduction is here still in the kinetic limited regime (see
Fig. 1a), the local pH is not expected to deviate too much from the bulk pH value,

160



The role of cation acidity on the competition between HER and CORR

which means that in this regime cations will not rapidly undergo hydrolysis (which
would favor proton reduction) but likely can still strongly interact with the reaction
interface (enhancing CO, reduction). At potentials more negative than —0.6 V vs.
RHE, we see that the relative activity found in the presence of acidic cations drops,
and higher relative activity for CO is found in the electrolytes containing Cs*, Li*,
Ba?*, and Ca?*. In fact, this shows that these less acidic, weakly hydrated species

Q
-~
(=)
-

0846 - Li* —e-Cs* o ° —_e—Lj*
§ \ —o— Be2+ M92+ § 1.2 \. e Ca2+
g ° —o— AP —e—Ce3* € \. _e—Ba*
< 0614 - 1 Z
> —o— Nd > 0.9 \
G \ ® i °
g e ] ° \
o 04 \o' \ © 06 .\\o °
% \A\. \c\\\ g .§. \
S 02 o) N | 6 % ¢
5% gl s 034 % \
8 “‘O.V"\ 05 -045 -g 4 8 :“.\ 05 -04 -03
bt T 44 P b TYSN
0]¢ 0000000 04 $0000000]
-1 -08 -06 -04 -1 -08 -06 -04
E/V vs. RHE E/V vs. RHE
——Cs*
—_— Be2+
M92+
——Ca?*
|——Ba?
—e A|3+
——Ce3*
—— Nd3+

1 08 -06 -04
E/V vs. RHE

Fig. 9.4. Amount of CO produced probed via consecutive cathodic/anodic voltammetry at
pH 3in a) 0.1 M Li;SO4 + 1 mM M7 electrolytes with M7* = Li*, Cs*, Be?*, Mg?* , Al3*, Nd3*
,Ce3* and b) 0.2 M LiCIO4 + 2 mM M”* with M”* = Ca?*, Ba%*; and a ¢) qualitative comparison
between the relative activity for CO found in sulfate and perchlorate electrolyte at low and
high overpotential, by normalizing the COox charge density to the one found in the pure
Li»SO4 and LiClO4 background electrolytes.
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in 0.2 M,ClO4 with M7* = Li*, Cs*, Ca?*, Ba2*.

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

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

162



The role of cation acidity on the competition between HER and CORR

9.6 Computational models

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

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

9.7 Cation accumulation at the OHP

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

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

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

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

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

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

spheres, respectively.

168



The role of cation acidity on the competition between HER and CO,RR

a) )
0
M7*-CO, + H,0 + e~
£ 2
~
~
’ COOH + M™-0OH
AG (CO,-prot),
A 3 H,0 as solvation
Y
b) d
Li* I\
1_"\I \O\C/O
0
14 Cs* %_,
0.8 1
o LA AV WA 2
S 1 PR -
90 ‘ N\ J WV S g6 ]
= 2+ ON
< 18 O
\Val ~1 =
© 04
0\
1- A|3+ <
o LA by g5 ]
Nd3*
14
oW T VTV T ] :
2 35 3 35 4 Li* Cs* Mg“ Ba®* AP* Nd**
t/ ps

Fig. 9.8. a) Models for AIMD simulation performed at 300 K: equilibration of Au/water/M"*
systems (0-2 ps); equilibration of Au/water/M™/*CO; (2-4 ps), with M7* = Li*, Cs*, Mg?*,
Ba?*, APP*, Nd3*. b) cation-CO, coordination (Mw™.ocoz) for 2 ps of AIMD simulation. c)
Model for initial and final state of CO, protonation. d) Gibbs free energy required for COOH
protonation. In the panels a) and c), Au, Cs, C, H, and O atoms are portrayed as yellow, dark
yellow, dark grey, white, and oxygen balls, respectively.
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This theoretical evidence may explain the low CO; reduction performance of
Mg?* and APP* compared to Ba?* and Nd**respectively, in addition to its lower
accumulation. Overall, the thermodynamic energy cost for COOH protonation
ranges between 0.4 and 1.0 eV, with Cs* and Nd3* accounting for the lowest values
(Fig. 9.8d), and it does not depend on the cation species. Since it is just slightly
endothermic, this step can occur under CO, reduction potentials. To summarize, the
differences in CO; reduction performance of different cation species at low and high
overpotentials can be rationalized considering the competing water reduction,
cation accumulation, and coordination-driven stabilization of CO,7, while CO;
protonation is cation independent. As a final remark on the intrinsic cation effect
on H,0 and CO; reduction, we added a benchmark system where we replaced the
two Li* atoms with two H*, to assess the potential role of protons as reaction driving
cations. H* quickly recombines with solvent molecules to form a H;O* species (At <
0.3 ps, Fig. F.21), however neither of these species exhibit any interaction with *H,0
and *CO, during 2 ps AIMD (Fig. F.14-F.17, F.19 and F.20, Tables F.4-F.5). This insight
provides an additional validation of our previous work (Chapter 8),2° confirming that
CO; electroreduction needs a metal cation to occur.

9.9 Discussion

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

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

9.10 Conclusions

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

Even though the application of multivalent cations in neutral/alkaline media
is not practical, due to hydroxide deposition, they may in principle still be used for
CO; electrolysis in strong acidic media. In fact, we have recently shown that CO,RR
to CO can be carried out at industrially relevant current densities in acidic media,
using gas diffusion electrodes.*® We obtained faradaic efficiencies for CO close to
90% at lower cell potentials than in neutral media. Future work could therefore
focus on trying to improve the energy efficiency even further by adding small
amounts of e.g. Nd** to a Cs* background electrolyte, in a way that hydroxide
deposition would not be detrimental to the performance. Pulsed electrolysis also
presents an opportunity for the use of multivalent cations for CO,RR, as possible
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hydroxide deposits can dissolve in between cathodic pulses. Besides, theoretical
works on CO; reduction should also consider the kinetics and thermodynamics of
the water dissociation step to accurately model the hydrogen evolution reaction
when water is the proton source, instead of using H binding as the sole descriptor.
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Chapter 10

Abstract

In this Chapter we study how the cation identity and concentration alter the kinetics
of hydrogen evolution (HER) on platinum and gold electrodes. Previous work
suggested an inverted activity trend as a function of alkali metal cation when
comparing the performance of platinum and gold catalysts in alkaline media. We
show that weakly hydrated cations (K*) favor HER on gold only at low overpotentials
(or lower alkalinity), whereas in more alkaline pH (or high overpotentials) the higher
activity is found using electrolytes containing strongly hydrated cations (Li*). We
find a similar trend for platinum, however the inhibition of HER by weakly hydrated
cations on platinum is observed already at lower alkalinity and lower cation
concentrations, suggesting that platinum interacts stronger with metal cations than
gold. We propose that weakly hydrated cations stabilize the transition state of the
water dissociation step more favorably due to their higher near-surface
concentration in comparison to a strongly hydrated cation such as Li*. However, at
high pH and consequently higher cation concentrations, the accumulation of these
species at the Outer Helmholtz Plane inhibits HER. This is especially pronounced on
platinum, where a change in the rate determining step is observed at pH 13 when
using a Li* or K* containing electrolyte.
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10.1 Introduction

Efficient water electrolysis is an important technology towards a more
sustainable society.® While water electrolysis in acidic media leads to the highest
activity, it utilizes scarce and expensive materials (platinum, iridium); in alkaline
media, more abundant materials can be used, but at the expense of a lower activity.
To understand this difference in activity between the two media, the cathode
reaction, i.e. hydrogen evolution (HER), has been studied extensively both in acidic
and alkaline media. The focus of most works has been on tailoring the catalyst
surface.?®> However, metal cations in the electrolyte have been shown to have a
significant effect on the activity of HER, although usually not taken into account in
reaction mechanisms.*’ In fact, the underlying mechanisms of the non-covalent
interactions between cations and HER intermediates remain incompletely
understood. Therefore, systematically studying electrolyte-related phenomena on
different metal surfaces is desired, to improve our understanding of the underlying
phenomena and to assist in further optimization of alkaline and proton exchange
membrane (PEM) electrolysers.

Platinum and gold are two model catalysts for understanding electrocatalytic
reactions, including hydrogen evolution. Although two noble metals, it has been
shown that the interaction of these surfaces with adsorbed species (reaction
intermediates) and water is very different. Platinum is considered an optimal
catalyst for HER (in acidic media), a consequence of the optimal hydrogen binding
energy (AGpags = 0). On the other hand, on gold electrodes, hydrogen binds weakly
and the activity for HER at low overpotentials is significantly inferior to the activity
found on Pt. Very recently, efforts have been dedicated to the effect that metal
cations have on the activity of HER on different metal surfaces. A main contribution
has been made by Xue et al.” who studied the HER activity of Pt, I, Au, and Ag in
alkaline media, as a function of the cation identity (Li*, Na*, K*, Rb*, Cs*). They
report that weakly hydrated cations such as Cs* favour HER on Au and Ag while
they are detrimental to the reaction activity on Pt and Ir. The authors explain this
"inverted" trend based on the binding energy of hydrogen to the metal, which
weakens as a function of the alkali metal cation: Cs* > Rb* > K* > Na* > Li*. They
propose that weakly hydrated cations as Cs* are beneficial to HER on Au and Ag
electrodes, which lie on the weak binding side of the activity volcano, while being
detrimental to HER on Pt and Ir, due to an over stabilization of the adsorbed
intermediates.
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The hydrogen adsorption energy is generally considered to be an accurate
descriptor for HER activity in acidic media, where the adsorbed hydrogen is formed
from proton/hydronium (H;O*) reduction. However, in alkaline media, where water
dissociation has to occur in order for hydrogen to adsorb, other descriptors appear
to be needed to describe activity trends.® On platinum, the hydrogen binding
energy (HBE) is derived from the underpotential hydrogen region (H,pq) in the blank
voltammetry.2?1! A positive shift of the H,pq peak, for example as a function of pH,
has been ascribed to an increase in the hydrogen binding energy and an associated
lower activity for HER. However, it has been shown that this positive shift is actually
associated with a weakening of the OH adsorption on Pt {100} and {110} steps and
facets due to the presence of alkali metal cations at the reaction interface.!? The so-
called Hq region is therefore a hydrogen-cation-hydroxyl region, and therefore it
cannot serve as a simple activity descriptor. The nature of the rate-determining step
for HER in alkaline media is still under debate. The work of Markovic et al. suggests
that on platinum, in alkaline media, water dissociation is the rate determining step.’
However, Liu et al.* suggests that for a similar system, the driving force for OH
desorption weakens in the order Li* > Na* > K*, and this trend gives rise to the HER
activity trend of LIOH > NaOH > KOH at pH 13. Gold is a much less investigated
catalyst for HER, but of interest as a catalyst for the electrocatalytic reduction of
carbon dioxide, for which HER is a competing reaction.’> As discussed above, an
inverted activity trend (K* > Na* > Li*), compared to platinum, has been reported for
gold electrodes in 0.1 M MOH.” Our recent work on polycrystalline gold and
Au(11l) in alkaline media (NaOH), shows that up to pH 11, increasing the Na*
concentration significantly enhances the HER activity.!* At higher pH (>12) and
consequently high (near-surface) cation concentrations, the activity for HER
decreases, likely due to a blockage effect. However, this phenomenon has not yet
been investigated for other metal surfaces, as a function of the cation identity.

Taking the hydrogen binding energy as a descriptor, cannot explain the
different cation trends for HER on Pt and Au as a function of the cation identity.
This is especially relevant in alkaline media, where our recent work has shown that
the local pH and cation concentration are two interrelated variables.'>'> Therefore,
in this Chapter, we have systematically investigated the effect of pH and cation
concentration on the activity for HER on polycrystalline Pt and Au, comparing
electrolytes containing weakly (K*) and strongly (Li*) hydrated cations. In alkaline
media, on gold, we see that the surface blockage phenomena (previously observed
at pH 13 in Na* containing electrolyte) is not present in a Li* containing electrolyte,
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due to the less pronounced accumulation of Li* ions near the surface, even at high
pH. In contrast, K* ions are detrimental to the reaction activity above pH 13. Similar
behavior is observed on platinum, however already at pH 11, and at low cation
concentrations, suggesting that cations interact stronger with Pt than with Au
electrodes. These results show that on Pt in alkaline media, cations typically act as
inhibitors, whereas on gold in alkaline media, cations can act as either a promotor
or an inhibitor, depending on their local accumulation in the double layer.

10.2 Hydrogen evolution in alkaline media

We initially studied how cations affect the hydrogen evolution reaction (HER)
on polycrystalline platinum and gold electrodes using stationary
cyclic voltammetry, and the results are shown in Fig. 10.1a-c. We carried out the
experiments in alkaline media (pH 13) and we find that K* cations promote
water reduction on gold, while they are detrimental to the reaction on platinum,
in agreement with the results found by Xue et al. for Au(111) and polycrystalline
Pt at the same pH and similar overpotentials.” We have also recorded the
blank voltammetry of the polycrystalline platinum electrode in alkaline media
and a positive shift of the H,pq peak in K* containing electrolyte is also found at
pH 13 (Fig. 10.1c). Similar measurements were performed in acidic media (see
Fig. G.1a-c and discussion in Appendix G). There, water reduction is promoted
by weakly hydrated cations on both gold and platinum, and a similar (but less
pronounced) positive shift in the Hyq of the platinum electrode is found in K*
electrolyte. Although the effect of the different cations on water reduction on
platinum is inverted for acidic and alkaline media, it seems that at both pH weakly
hydrated cations interact with the adsorbed H/OH in a similar fashion, suggesting
that the mechanism behind this inverted trend goes beyond just an effect on the
hydrogen binding energy, as proposed by Xue et al.” A more pronounced positive
shift in the H,pq at pH 13, in comparison to pH 3 was also observed by Chen et
al.’?2 In the same work, DFT calculations suggest that higher coverages of
alkali metal cation adsorbed along the steps of Pt(553) becomes more
favourable by increasing electrolyte pH (at the same potential on an RHE scale).
Therefore, we expect that the larger shift we observe on polycrystalline platinum
for the experiment carried out at pH 13 is due to an increase in the cation-OH,q—
H.qs interactions, at higher cation coverages. The blank voltammetry of the
polycrystalline gold and platinum electrode, taken before the measurements
shown in , can be seen in Fig. G.2 in Appendix G.
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Fig. 10.1. Stationary hydrogen evolution on a) gold and b) platinum in alkaline media (0.1
M MOH, pH = 13), together with c) the blank voltammetry of the platinum electrode. M =
Li* or K*. The voltammetry was recorded at 50 mV s,

In Fig. 10.2 we show the Tafel slopes, derived from the cyclic voltammograms
from Fig. 10.1 and Fig. G.1 (Appendix G), as a function of the applied potential. Eq.
10.1-10.5 display the three accepted reaction steps during proton (H;O*) or water
reduction, with the rate-determining step in the mechanism that can be derived
from Tafel slope analysis in parenthesis.’® Here * represent a free surface adsorption
site. Tafel slopes of around 120 mV dec™ are obtained for the gold electrode in the
Li* and K* electrolytes, in both acidic and alkaline media. This indicates that at the
potentials studied, in both cases the activity for HER is controlled by the first
electron transfer step (Volmer step, Eq. 10.1), which in alkaline media is in fact
governed by the barrier of the electrochemical water dissociation (Eq. 10.2). The
latter is in agreement with our previous studies in Na* containing electrolyte.* For
platinum, in acidic media, Tafel slopes of around 40 mV dec™ imply that the second
electron transfer Heyrovsky step (Eq. 10.3) is the rate determining step, in both Li*
and K* electrolyte.’” In contrast, in alkaline media, where we see higher HER activity
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in Li* than K*, the Tafel slopes indicate that in Li* the Heyrovsky step is still rate
determining while there seems to be a change in the reaction mechanism in K*
electrolyte. A Tafel slope of 112 mV dec? suggests either the Volmer step or a
Heyrovsky step at high coverage of adsorbed hydrogen (at high overpotentials) as
the rate limiting step. Considering the Tafel analysis was performed using the
current response at low overpotentials, the Volmer step is more likely to be the rate
determining step here. This change in the reaction mechanism on platinum
suggests that the cation identity plays an important role on how accessible the
surface is for hydrogen adsorption.
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Fig. 10.2. Tafel slopes derived from the stationary cyclic voltammetry, recorded on a) gold
and b) platinum in acidic media (0.1 M M,SO,, pH = 3), as well as for c) gold d) platinum
in alkaline media (0.1 M MOH, pH = 13). M = Li* or K*. The range used for the curve fitting
is indicated in all plots with a dotted line.
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H;O* + e + * > H* + H,0 (Volmer, acidic media) Eqg.10.1
H,O + e +*— H* + OH (Volmer, alkaline media) Eqg. 10.2
H* + H30* + e — H, + H,O + *  (Heyrovsky, acidic media) Eq. 10.3
H*+H,O+e - H, + OH + * (Heyrovsky, alkaline media) Eq. 104
2H* — Hy + 2* (Tafel) Eq. 10.5

Previous work reported higher HER activity for gold in electrolytes containing
weakly hydrated cations, in the order Cs* > K* > Na* > Li*, and the opposite trend
was observed for platinum electrodes in alkaline media.” However, experiments on
gold have usually been carried out in a limited potential range, as at large
overpotentials currents become impractical, i.e. due to bubble formation and a
consequent loss of potential control. To further elucidate the nature of this
“inverted" trend, we have performed HER on gold at pH 11 and 13 over a wide
potential range in electrolytes containing Li*, Na* and K* cations (Fig. 10.3). As
shown in Fig. 10.3a, at pH 13 and low overpotentials, indeed the activity trend is
found to be K* > Na* > Li*. Remarkably, at more negative overpotentials (-0.8 V vs.
RHE) the trend inverts, and a higher current is obtained in the Li* electrolyte. This
strongly suggests that on gold, upon an increase in the local alkalinity at high
overpotentials, and consequent increase in the near-surface cation concentration,
weakly hydrated cations are actually detrimental to water reduction. This is likely
due to an accumulation at the reaction interface and blockage of the surface, as
proposed in our previous work.** This blockage effect is less pronounced in Na*
and even less in the Li* electrolyte, as the stronger binding of water molecules in
the hydration shell of these cations prohibit their accumulation at the Outer
Helmholtz Plane (OHP), as we have also shown in Chapter 8 through DFT based Ab
Initio Molecular Dynamics (AIMD) simulations on the interaction of alkali cations
with Au(111).18

To further support these observations, we have performed the same
experiment at pH 11, where there is in principle a lower driving force for cations to
accumulate near the surface than at pH 13, due to the lower interfacial electric field
strength. As shown in Fig. 10.3b, at pH 11 the inversion of the HER activity trend as
a function of the cation identity happens at ca. 0.25 V more negative potential than
at pH 13. This confirms that the local alkalinity defines the concentration of cations
near the surface, and that weakly hydrated cations hinder HER on gold if their local
concentration is high enough. This behaviour is similar to platinum, although on
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platinum this effect is already observed at lower overpotentials, whereas on gold
more driving force is required. At pH 11, more current is required to reach high
local alkalinity, while at pH 13 this happens at lower overpotentials.

E) .
L 2 i
o
<
1S
—_— pH 13
—Li"
— Na*
R K+
-6 : .
-0.8 -0.6 -04 -0.2
E/Vvs. RHE
b) 04 T ,
=204
£
o
< -40
>
'60- ; — L|+
: e N3 *
. —K"
-80 — r , r
-1.2 -0.9 -0.6 -0.3

E/Vvs. RHE

Fig. 10.3. Stationary hydrogen evolution cyclic voltammetry on gold at pH a) 13 and b) 11
recorded in 0.1 M MOH and 0.001 M MOH, with M = Li*, Na* or K* at 50 mV s.. The dotted
gray lines indicate the potential in which the CVs cross and the arrows point going from the
strongly to the weakly hydrated metal cation species.
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10.3 Cation concentration dependence

The results shown in Fig. 10.3a and Fig. 10.3b suggest that the cation trends
for HER on platinum and gold are not actually "inverted" as previously stated’, but
just depend on the reaction conditions, such as bulk/local pH, near-surface
cation concentration and cation identity. In order to further elucidate that, we have
performed HER under well-defined mass transport conditions, using rotating disc
electrodes (RDE) of gold and platinum. We changed the cation concentration in
electrolytes having different bulk pH, and observed the effect of those variables on
the HER kinetics. The HER cyclic voltammetry on gold is shown in Fig. G4 in
Appendix G, and the correspondent reaction order plots in Fig. 10.4. In the Li*
containing electrolyte, a positive reaction order is found both at pH 11 and 13,
differently from what we observed for instance for Na* in our previous work.!* In
the case of K*, at pH 11 a higher cation concentration promotes HER, as shown by
the higher reaction order than found in Li*. However, at pH 13 we see a negative
reaction order, with HER being inhibited as the concentration of K* increases.

The HER inhibition in alkaline pH seems to be more pronounced for weakly
hydrated cations and need less driving force to be observed on platinum than on
gold, as we show in Fig. 10.1. To better define the experimental conditions in which
this phenomenon takes place, we performed similar experiments as shown in Fig.
10.4 on platinum, also using a rotating disc electrode. The cyclic voltammetry is
shown in Fig. G.5 (Appendix G) and the correspondent reaction order plots are
depicted in Fig. 10.5. It is important to point out that although the electrolytes in this
work were used as received, no metal contaminants are expected to affect our
measurements, as evidenced by the overlapping consecutive CVs shown in Fig. G.6
in Appendix G.* We see in in Fig. 10.5a and Fig. 10.5b that, similarly to gold, on
platinum, increasing the concentration of Li* cations promotes HER both at pH 11
and 13. In contrast, for the K* electrolyte, at pH 9 and 10 we observe at low K*
concentration a positive reaction order, and that at the highest concentrations HER
starts to be inhibited, confirming the relationship between local alkalinity and
concentration of weakly hydrated cations at the reaction interface. At pH 11, while
on gold we see a promotion of HER by increasing the K* concentration, for platinum
we observe a negative reaction order, with even more negative values at pH 12.
This indicates that weakly hydrated metal cations in the electrolyte interact stronger
with platinum than with gold electrodes, under the same experimental conditions.
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Fig. 10.4. Reaction order plot of HER on polycrystalline gold in the cation concentration at
pH 11 and 13 in a)-b) Li* and c)-d) K* containing electrolyte. The current is reported for 50
mV potential steps (vs. RHE) plotted as a function of the logarithm of the current density on

the y-axis and logarithm of the cation concentration on the x-axis. The slopes extracted from
the linear fit of the current response (reaction orders) are shown next to the plots. The slope
at the top corresponds to the most negative potential applied and the slope at the bottom
to the most positive, as indicated also by the colors. CVs are shown in Fig. G4 and were
recorded using a rotating disc electrode, at 25 mV st and 2500 rpm.
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Fig. 10.5. Reaction order plot of HER on polycrystalline platinum in the cation
concentration at pH 11 and 13 in a)-b) Li* and pH 9-12 in ¢)-d) K* containing electrolyte.
The current is reported for 50 mV potential steps (vs. RHE) plotted as a function of the
logarithm of the current density on the y-axis and logarithm of the cation concentration on
the x-axis. The slopes extracted from the linear fit of the current response (reaction orders)
are shown next to the plots. The slope at the top corresponds to the most negative
potential applied and the slope at the bottom to the most positive, as indicated also by the
colors. CVs are shown in Fig. G5 and were recorded using a rotating disc electrode, at 25
mV st and 2500 rpm.
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10.4 Discussion

The opposite cation trends for HER on platinum and gold electrodes in
alkaline media have previously been explained using the hydrogen binding energy
as a descriptor for HER.?° However, our recent work has shown that although this
might be a suitable descriptor for HER in acidic media, on gold, in alkaline media,
the rate of this reaction depends on the near-surface pH and near-surface cation
concentration.** In our present work we elucidate that the inverted cation trend
between platinum and gold strongly depends on the cation identity, the electrolyte
bulk pH and the local alkalinity. We see that on gold, HER is promoted by weakly
hydrated cations only at low current densities and moderately alkaline pH, as shown
in Fig. 10.3. This is confirmed by the different cation reaction orders on
polycrystalline Pt and Au as a function of pH, potential, and cation identity. For gold,
we find a positive reaction order in a Li* electrolyte at pH 13, while in K* electrolyte
there is an inhibition of HER at the same pH. The same is observed for platinum,
however on this electrode HER starts to be inhibited already at lower pH and lower
cation concentrations, indicating that metal cations interact stronger with platinum
than with gold electrodes. Additionally, on platinum we see a change in the reaction
mechanism as a function of the electrolyte cation: in Li* electrolyte the Heyrovsky
step is the rate determining step and in K* the Volmer step seems to be rate
determining. These differences of cation interaction with gold and platinum have
also been suggested by other studies. For instance, DFT calculations presented in
the work of Hersbach et al?! indicate that cation adsorption is more energetically
favourable on platinum {111} and {100} facets than on gold. Additionally, work from
our group has reported an anomalously large diffuse-layer Gouy-Chapman
capacitance for the Pt(111)-aqueous electrolyte interface in comparison to Au(111)
and Hg.?? It shows that the double layer of Pt(111) (and to some extent also of
Au(111)) is more compact than predicted by Gouy-Chapman theory, because the
electrolyte interacts stronger with Pt than with Au and Hg. Therefore, we suggest
that at the cathodic potentials in which HER takes place, the driving force for cations
to accumulate near the platinum surface is higher.

Site blocking by metal cations has been previously proposed in various works.
An early report by Herasymenko and Slendyk assumed a simple competitive
Langmuir adsorption model to rationalize cation trends for HER, which was later
further rationalized in the work of Frumkin considering the effect of cation
adsorption on reaction rates.?>** The specific adsorption of cations on catalytic sites
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for HER has been extensively discussed in the recent review of Waegele at al.,
showing that despite various theoretical and experimental evidences, it is still
unclear under which specific conditions (potential, pH, concentration, electrode
surface) cations specifically adsorb, if they do at all. Another site-blocking theory
has been put forward by Markovic and co-workers, in which they propose that
non-covalent interactions between hydrated alkali metal cations M*(H,O), and
adsorbed OH (OH,q) give rise to OH,.—M*(H,0), clusters at the interface. They
propose the concentration of these clusters increases in the same order as
the hydration energies of the corresponding cations (Li* >> Na* > K* > Cs*).
However, we can rule out this being the reason for the inhibition of HER that
we observe in our experiments, as we find positive reaction orders in Li*
electrolyte both on gold and platinum (see Fig. 104 and Fig. 10.5), and the
inhibition effect is only seen in K* electrolyte (and in our previous work in Na*).4

Based on our results and the work discussed above, we propose that the
model that we recently formulated for cation effects in HER on gold in alkaline
media, is more broadly applicable. That model has two regimes, depending on
local cation concentration: a promotion regime, and an inhibition regime (see Fig.
10.6). In the promotion regime (low cation concentration, low pH), both
strongly and weakly hydrated cations stabilize the transition state of the first
electron transfer step, the water dissociation (Eq. 10.6).*

HO +e +*+ M — *H-OH>-M*" + (1 - §)e” — *H + OH™ + M* Eqg. 10.6

Weakly hydrated cations lead then to higher activity due to their stronger
driving force to accumulate at the OHP and consequently higher concentration at
the interface, as we have shown in Chapters 8 and 9 both through experiments and
simulations.’® We see that this promotion regime is more limited for platinum than
for gold, due to stronger interaction of metal cations with platinum, already
pronounced in weakly alkaline conditions and moderate cation concentrations. In
case of such a very strong interaction, the promotion regime develops into the
inhibition regime, in weakly hydrated cations accumulate near the surface to such
an extent that they hinder the access of water to the reaction interface or lower the
availability of free surface sites. In this regime, the HER has a negative reaction order
on cation concentration. Experiments with Pt electrodes are typically in this
inhibition regime, whereas experiments with Au are typically in the promotion
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Fig. 10.6. Schematic representation of the effect of cation concentration on the activity of
HER comparing platinum and gold, together with a pictorial description of the mechanism
through which weakly (K*, Cs*) and strongly (Li*) hydrated cations promote and/or inhibit
HER.

regime. This model explains the inverted cation dependence between Pt and Au,
observed here as well as in previous work.?°

Our findings may have important implications for electrolysers in which HER
is the cathode reaction. Due to the high current densities of operation, a high local
alkalinity can develop near the cathode surface. As our work shows, depending on
the electrolyte cation identity, the activity for HER can be compromised upon local
alkalization of the reaction interface. Tuning the cathode geometry and
consequently enhancing the transport of species, or selecting a specific cation, can
help to mitigate these negative effects.

10.5 Conclusions

In this work we have elucidated the cation effects on HER on gold and
platinum electrodes in alkaline media. Through cyclic voltammetry and rotating disc
electrode experiments we investigated HER in alkaline media in eIectrontes
containing strongly and weakly hydrated cations, namely Li*, , and K*. In
agreement with the model that we recently formulated for HER on gold, we show
here that for platinum there are also two distinct regimes for how cations affect

193




Chapter 10

HER, according to the cation concentration. At low cation concentration and mildly
alkaline media, both weakly and strongly hydrated cations promote HER on gold
and platinum. At more alkaline pH and consequently higher near-surface cation
concentrations, HER is inhibited by weakly hydrated cations. This inhibition regime
is observed for platinum at lower alkalinity and cation concentration than for gold
electrodes, as platinum interacts stronger with cations in the electrolyte. On
platinum, based on Tafel slopes, we find a change in the reaction mechanism at pH
13 from the Heyrovsky to the Volmer step, when the reaction is carried out in Li* or
K* electrolyte, respectively. This can be understood as an inhibition of the Volmer
step in K* electrolyte, whereas Li* actually promotes the Volmer step. The
observation that HER on gold is mostly in the promotion regime, whereas HER on
platinum is mostly in the inhibition regime, explains the previously observed
inverted cation dependence of HER on gold and platinum. Our work shows the
complexity of the electrode-electrolyte interface during hydrogen evolution on
platinum and gold, and that to achieve high activity, cation identity and near-
surface cation concentration are crucial activity descriptors, with the latter
depending on the electrolyte pH and metal surface employed.
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Chapter 11

Abstract

The electrochemical reduction of CO, to CO is a promising technology for replacing
production processes employing fossil fuels. Still, low energy efficiencies hinder the
production of CO at commercial scale. CO; electrolysis has mainly been performed
in neutral or alkaline media, but recent fundamental work shows that high
selectivity for CO can also be achieved in acidic media. Therefore, we investigate
the feasibility of CO, electrolysis at pH 2-4 at industrially relevant conditions, using
10 cm? gold gas diffusion electrodes. Operating at current densities up to 200 mA
cm~, we obtain CO faradaic efficiencies between 80-90% in sulfate electrolyte,
with a 30% improvement of the overall process energy efficiency, in comparison
with neutral media. Additionally, we find that weakly hydrated cations are
crucial for accomplishing high reaction rates and enabling CO, electrolysis in
acidic media. This study represents a step towards the application of acidic
electrolysers for CO; electroreduction.
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11.1 Introduction

The finiteness of fossil fuel resources and the attempt to minimize the world’s
CO; footprint drive research towards alternative technologies for the production of
fuels and chemicals. An important building block employed in large scale for the
production of commodity and specialty chemicals is carbon monoxide (CO).! It can
be produced via the electrochemical reduction of CO, (CO,RR), and, provided the
electricity comes from zero emission technologies, the carbon cycle can be closed.?
CO is among the most economically viable products that can be obtained through
the electrocatalytic reduction of CO, as it has a high ratio of molecular weight per
electron transferred.>> Generating CO electrochemically can enable a less
centralized CO production chain by allowing for on-site CO production on demand
and eliminate transportation hazards and costs. Nevertheless, in order to achieve
CO, electrolysis to CO at a commercial scale, three main key figures of merit are
desired: high current efficiency and current density, low cell potential, and no
dependency of these variables on the electrode size.*

A known limitation of the electrocatalytic CO,RR is the low solubility of CO, in
aqueous media (33 mM at 1 atm and 25 °C) and consequently the poor transport of
CO, to the catalyst surface.® This limitation can be overcome with the use of gas
diffusion electrodes (GDEs), which are porous structures that contain a gas diffusion
layer and a catalyst layer.” The electrocatalytic reaction happens at the solid-liquid-
gaseous interface and the transport of reactants to the catalyst surface is highly
enhanced, which allows for achieving higher reaction rates than in conventional
systems. Besides the high reaction rates, in order to achieve high current efficiencies
for CO, the competing hydrogen evolution (HER) reaction must be suppressed,
either by engineering the catalyst/electrode’ or the reaction environment
(electrolyte).?

The development of CO, to CO electrolysers at relatively large scale (GDE
area > 5 cm?) is recent, and in most work reported so far the reaction is performed
in neutral to alkaline media. In general, the local concentration of various species
(such as CO, HCO;~, COs* OH~, and H*) has shown to play a crucial role on the
competition between CO, reduction and hydrogen evolution, through proton®!,
bicarbonate®?, or water'? reduction. This is relevant as, for instance, the activity of
the water reduction reaction at high overpotentials may limit the window in which
high current densities can be achieved while sustaining high CO current efficiencies.
Industrially relevant current densities have been accomplished at GDEs with a
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geometrical area larger than 5 cm? however, often at the expense of relatively high
cell potentials.**8 An additional disadvantage of using neutral or alkaline media is
carbonate formation, leading to significant energy and carbon losses.*?

Because of the high activity of proton reduction at low overpotentials, the
current efficiencies found for CO in acidic media are usually low, especially on
electrodes with low roughness. In fact, only in a few works in the literature, CO,RR
has been investigated (at small scale) in acidic media.l%12021 Recent work from
Bondue et al.1° has indicated that proton reduction can be fully suppressed in acidic
media, as long as the rate of CO/OH~ formation from CO,RR is high enough to
compensate the mass transfer of protons to the electrode surface. Differential
electrochemical mass spectrometry (DEMS) was used to quantify the formation of
CO/H; and consumption of CO,. The results show that with a high surface area
rough gold electrode (R = 20.3), higher CO, pressures (high local concentration of
CO,) allow approaching a faradaic efficiency of nearly 100% for CO in mildly acidic
electrolyte. A key conclusion from that work was also that CO, is reduced primarily
by H,0, not by protons, even in acidic media, hence leading to the formation of
OH-. However, it remains to be seen if the results from this small-scale idealized
DEMS study can be translated to high-surface-area gas diffusion electrode systems.
Furthermore, our recent work has shown that tailoring the electrolyte cation identity
offers an opportunity to favor the water-mediated CO, reduction over proton-
mediated hydrogen evolution in acidic media.?! Studies carried out in sulfate
electrolytes (pH 3) using a flat gold electrode, showed that cations have no effect
on the rate of proton reduction, which is only a function of the (local) proton
concentration. Meanwhile, the activity for CO,RR to CO increases as a function of
the cation identity in the order Li* < Na* < K* < Cs*. Additionally, performing CO,RR
in acidic media presents several advantages to a large-scale process in terms, for
example, of the electrolyte conductivity, HCO;™ crossover, anode reaction kinetics
(in case of oxygen evolution) and electrolyser design.

In this Chapter we have assessed the feasibility of acidic CO, electrolysis with
practical electrode geometries. Using a 10 cm? gold gas diffusion electrode, we
performed CO,RR in sulfate electrolytes at different current densities (10-200 mA
cm2). Our results show that high CO selectivity (~ 90%) can be achieved at 100-200
mA c¢cm2 in mildly acidic media, as long as weakly hydrated cations are present in
the electrolyte (Cs*, K*). Through a direct comparison with neutral media (1 M
KHCO;) we find that in 1 M Cs,SO,4 electrolyte, CO,RR can be carried out at
considerably lower cell potentials, leading to a reduction of up to 30% in process
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energy costs. Our work represents an important step towards acidic CO, electrolysis
at industrial conditions, with improved energy efficiency.

11.2 CO, electrolysis in acidic media

CO, reduction was carried out on gold gas diffusion electrodes, whose
schematic structure is depicted in Fig. 11.1. At the gold-based cathode, CO, is fed
through the back of the electrode and reduced to CO (CO, + H,0O + 2e” — CO +
20H") at a three-phase boundary between the catalyst, the catholyte and CO,,. At
the DSA® anode, water is oxidized to O, (H,O — Y20, + 2H*+ 2e"). Depending on
the reaction conditions, not all the CO, supplied to the cathode is converted to CO.
Hydrogen (H,) can competitively form either through proton reduction or water
reduction, depending on the acidity of the local reaction environment. The local pH
near the cathode surface can change significantly as a function of the current
density and reaction selectivity. However, the OH™ produced during CO, reduction
can be neutralized by protons (if the catholyte is acidic) or by the reactant itself,
succesively forming bicarbonate and carbonate (CO, + OH™ — HCO;™; HCO3™ + OH"~
— CO3%” + H,0). Because of these homogeneous reactions, it is important to supply

three-phase

OH™ boundary
co 2.
H,0 )"\ Co,
9
JJ
¥ o974
B
N
pH<7 >:g
Hz pH>7 ~‘ CO,

Lr”—r—’ "VJ‘—Y_“T"—V—“T'

DSA anolyte nafion catholyte 60 % gas diffusion current
membrane Au/C layer collector
catalyst
Fig. 11.1. Schematic representation of the gold gas diffusion electrode system studied in

this work.

201




Chapter 11

an excess of CO, in order to achieve high current densities and CO faradaic
efficiencies. For all the measurements described in this work, the flow of CO, (50
mL min~t) and electrolyte (30 mL min!) were kept constant, and the anolyte was
always 0.5 M H,SO,. The setup did not allow the introduction of a reference
electrode, but all system parameters were kept constant to allow a comparison of
the effect of electrolyte pH on the cathodic reaction. That is: the only parameters
varied were on the cathode side, where different electrolytes were investigated and
two different loadings of gold nanoparticles were applied to 10 cm? GDEs, namely
2 and 1 mg cm=.

We have first investigated the feasibility of carrying out CO, electrolysis on
GDEs in acidic media, by performing bulk electrolysis in 1 M Cs,SO, solutions of pH
2, 3 and 4. The faradaic efficiencies (FE) for CO as a function of the total applied
current density can be seen in Fig. 11.2a. The only products formed were CO and
H,, evidenced by the CO and H,; FEs adding up to 100% (see Fig. H.1 in Appendix
H). Even though formate has been reported as a possible product from CO,RR on
gold electrodes?, it was not detected under our working conditions (if it was
formed it was below our detection limit). At low current densities, we see that the
selectivity for CO is lower at the more acidic electrolyte than at pH 4. However, at
200 mA cm=2 more than 70% FE for CO is obtained, regardless of the bulk pH. A FE
of 90% is achieved at pH 4, at 100 mA cm2. In terms of selectivity, these results not
only show that large scale CO,RR to CO can be accomplished in acidic media, but
are also in agreement with the model recently proposed by Bondue et al. based on
small-scale DEMS measurements.’® However, in our case, at low current densities,
and low pH, due to the lower mass transport limitation in the GDE configuration,
the activity for CO (and corresponding production of OH") is not high enough to
neutralize the protons diffusing towards the catalyst surface, favouring hydrogen
production. On the other hand, at current densities above 50 mA cm=, especially
for bulk pH 3 or 4, the local acidic environment can be rapidly neutralized??,
enabling FEs for CO above 80%. We see that when starting from bulk pH 2, higher
current densities are required to achieve this suppression of proton reduction. The
slight decrease in selectivity for CO going from 150 to 200 mA cm™2 is likely due to
the strong alkalinity developing around the catalyst (depletion of CO, due to the
formation of carbonate) and the onset potential of the water reduction reaction.
When operating electrolysers at high (> 100 mA cm~2) current densities, low energy
costs are crucial to make the process feasible. The cell potentials obtained at pH
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Fig. 11.2. Effect of pH and cation identity on CO; electrolyis: a) faradaic efficiency for CO
and b) cell potential. Electrolysis performed in either 1 M Cs,SO4 (red) or 1 M Li>SO4 (gray
scale), catalyst loading 2 mg cm™. Error bars are calculated based on three individual
measurements.

2-4 are shown in Fig. 11.2b, and no significant differences are observed as a
function of pH at intermediate current densities, where the selectivities for CO are
high. However, at 10 mA cm2, a lower cell potential is found at pH 2, as mainly
proton reduction is taking place. The inverse happens at 200 mA cm™?, likely due to
the lower activity of water reduction. We point out that the measurements at
different current densities were performed sequentially, and the GDEs were stable
throughout the experiments, i.e. no problems with flooding were encountered.
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11.3 Cation identity and catalyst loading effects

The cation identity has also been shown to play an important role on the
selectivity and activity of CO, reduction. In neutral and alkaline media, Bhargava et
al.2> have recently reported FEs for CO on silver GDEs increasing from 40 up to
nearly 100% depending on the cation used, in the order Na* < K* < Cs* at 50 mA
cm. In acidic media, we have recently shown that the cation identity does not affect
the activity for proton reduction, while weakly hydrated cations lead to a drastic
increase in the activity for CO.22 We showed that the cation acts as a necessary
promotor for the reaction and that the cation trend for CO is related to the higher
ability that weakly hydrated cations, such as Cs*, have to coordinate with the
adsorbed CO, intermediate, and their high concentration near the electrode
surface. In contrast, cations having a strong hydration shell such as Li*, do not
strongly coordinate with the oxygen of the adsorbed CO,, and accumulate less near
the surface, leading to their inferior promoting activity for CO production.
Therefore, we have also investigated to which extent the electrolyte cation identity
plays a role when carrying out CO,RR in acidic media in the GDE geometry. The
results obtained in 1 M Li,SO,4 at pH 3 and 4 are compared to Cs,SO, in Fig. 11.2a
and the total FEs for CO and H, are available in Appendix H, Fig. H.2. Surprisingly, we
observe that in Li;SO4 nearly no CO is produced at all applied current densities,
regardless of the bulk pH. The low activity for CO,RR to CO in Li,SO, does not allow
for reaching high enough CO,RR currents at low overpotentials and to hinder the
access of protons to the catalytic active sites, yielding near 100% FEs for H; at these
current densities. This is confirmed by the higher cell potentials are observed in
nearly the whole current range investigated (Fig. 11.2b). These findings underscore
that differently from neutral and alkaline media, the choice of a cation that favors the
production of CO is crucial to enable CO; electrolysis in acidic media.

We have also prepared a GDE with half the loading of gold nanoparticles
than the one used in the experiments shown in Fig. 11.2. CO, electrolysis was carried
out at the gold GDE with 1 mg cm loading in the same conditions as before (1 M
Cs;S04, pH 2-4) and the FEs for CO and cell voltages are displayed in Fig. 11.3. The
total faradaic efficiencies for CO and H; are shown in Fig. H.3, in Appendix H. Fig.
11.3a shows the same FE trend observed for the 2 mg cm= GDE as a function of
pH. However, the overall values are slightly higher for the lower loading GDE,
independent of the bulk pH (see a direct comparison in Fig. H4 in Appendix H).
There are several structural factors of the GDE that could lead to the observed
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Fig. 11.3. Comparison between acidic and neutral media. a) faradaic efficiency for CO; b)
cell potential and c) energy efficiency for CO; electrolysis performed in either 1 M Cs,SO4
(orange) or 1 M KHCOs (blue stars), catalyst loading 1 mg cm2. Error bars are calculated
based on three individual measurements.

differences. The dispersion of the nanoparticles, for instance, could affect how
accessible the catalytic sites are for the buildup of the three-phase reaction
boundary. Significant differences in thickness of the GDE could also alter the
potential drop across the layer and consequently the activity/selectivity. In the
literature, there is no consensus about the exact effect that changing the catalyst
loading has on the reaction. The work of Bhargava et al.*® with Ag-based 1 cm?
GDEs suggests that no significant differences are found in terms of CO faradaic
efficiency for loadings above 1 g cm=. In the work of Duarte et al.’’, on the other
hand, using 10 cm? Ag-based GDEs, a higher activity for CO was found in
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Fig. 11.4. Characterization of the GDEs with different catalyst loadings. a)-b) SEM
micrographs, c)-d) EDX elemental map and e)-f) schematic representation of the gold GDEs
with 1 mg cm= and 1 mg cm™ loading, respectively.

potentiostatic measurements when increasing the catalyst loading from 0.5 to 2 g
cm2. Nevertheless, no significant changes in selectivity were observed.

The differences in GDE dimensions and production procedures, in addition
to the complex morphologies of these electrodes, currently do not allow drawing a
general rule in terms of the effect of the catalyst loading. In view of that, we have
analyzed our specific case, by characterizing the morphology and composition of
the GDEs used in this work using Scanning Electron Microscopy (SEM) and Energy
Dispersive X-Ray Spectroscopy (EDX). The SEM micrographs for the GDEs with 1
and 2 mg cm~ loading can be seen in Fig. 11.4a and Fig. 11.4b, respectively. There
are no clear differences between the overall morphology of the two GDEs, which
can be also seen in the additional micrographs from Fig. H.5 in Appendix H.
However, looking at the dispersion of the gold nanoparticles, it becomes clear that
more particle agglomerates are present at the surface of the GDE with the higher
catalyst loading. This is further confirmed by elemental analysis (Fig. 11.4c and Fig.
11.4d), implying that at the GDE with a lower loading, the nanoparticles are better
dispersed on the PTFE matrix. Even though more nanoparticles are present in the
GDE with higher loading, these particles are likely less accessible for the reactants,
hindering the formation of the three-phase reaction boundary. A schematic
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representation of these differences is depicted in Fig. 11.4e and Fig. 11.4f. It is
important to point out that although only one micrograph is shown here, several
areas of the GDEs were imaged in order to draw these conclusions. The images
shown here are representative of the trend found throughout the whole surface.
The complete EDX elemental analysis of the GDEs is shown in Fig. H.6 and H.7 in
Appendix H. The two GDEs have nearly the same composition, in which carbon and
fluorine are present in large amounts, due to the PTFE-based gas diffusion layer.
Additionally, as the analysis was performed after the catalysts were used for the CO,
electrolysis (for obtaining a more realistic picture of the GDE during/after operation)
cesium and potassium hydroxide deposits are also found homogeneously
distributed in the GDE structure, due to the extreme alkalinity developed at high
current densities.

11.4 Comparison with neutral media

The performance of the 1 mg cm= GDE in acidic media was compared with
its performance in neutral media, by carrying out the electrolysis in 1 M KHCO;, a
commonly used electrolyte for CO,RR. The total FEs for CO and H, in KHCO; are
shown in Fig. H.8 in Appendix H. The FEs for CO are compared in Fig. 11.3a, where
we see that the selectivity in sulfate, especially at pH 3 and 4, is nearly the same as
in KHCO; for current densities between 100-200 mA cm=. However, by comparing
the respective cell potentials (Fig. 11.3b), we find remarkably lower values in acidic
media. This is likely a consequence of the much higher conductivity of the 1 M
Cs,S04 (2344 10* S m? mol™) electrolyte in comparison to 1 M KHCO; (117.9 10
S m? mol™), which decreases the ohmic losses. Considering that the electricity is the
main operating cost of CO, electrolysis,® it is crucial that the energy efficiency is
optimized in order to make the technology industrially viable. It can be seen in Fig.
11.3¢, that operating the cathode in acidic media, in sulfate electrolyte, leads to a
considerable improvement of the process energy efficiency compared to KHCO;
(see Eq. H.1 in Appendix H). A similar comparison in terms of the energy
consumption per ton of CO produced can be made (Fig. H.9) and shows that
running CO; electrolysis in Cs,SO,4 at pH 4 instead of KHCO3 (both 1 M) leads to an
energy saving of 24, 25 and 30% at 100, 150, and 200 mA c¢m™, respectively
Considering, for example, an electricity price of 0.03 dollars per kWh?, running the
reaction in Cs,SOy at pH 4 instead of KHCO; (at 200 mA ¢cm™2) could lead to saving
1343 dollars per ton of CO produced. The process energetics in sulfate could of
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Fig. 11.5. Comparison of our results in acidic media with literature values. a) faradaic

efficiencies and b) cell potentials reported in different work from literature, in which CO,

electrolysis was performed in neutral to alkaline media, using GDEs equal or larger than 5

cm?. Results from this work shown in orange circles (acidic media) and blue triangles (neutral

media). Data points extracted from the work of Haas et al.l®, Verma et al.? 14, Verma at al.

15, Duarte et al.'” and Jeanty at al.!® shown in gray.

course be improved even further, by increasing the ionic strength of the electrolyte
in order to reduce ohmic losses, and by refining the cell design.

We have also compared the results of our work, performed in acidic media,
with recently reported literature values, for CO,RR to CO in neutral/alkaline media
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performed in gas diffusion electrodes having a geometrical area = 5 cm? It must be
noted that although CO,RR is intensively studied, mainly potentiostatic experiments
are carried out, which are not representative of an electrocatalytic industrial
process. Often, only partial current densities for CO are reported, and no
information regarding the cell potential is given. This creates a gap in terms of
determining the economic feasibility of the process, and for comparing different
reaction conditions and catalysts. Therefore, we have only compared here results
obtained in (fairly) similar systems to the one of this work. The main difference is
that, in all work reported so far, CO,RR has been carried out in catholytes of pH 7
or higher. We have only compared measurements performed at similar scale (5-10
cm? GDEs) and in electrolytes with moderate to high ionic strength (0.5-2 M). The
collection of data points is shown in Fig. 11.5, for the CO faradaic efficiencies and
cell potentials as a function of the total current density. We see in Fig. 11.5a that in
terms of selectivity, the performance of our GDEs at acidic pH is quite comparable
to results obtained in neutral and alkaline media, especially at the higher current
densities. On the other hand, in Fig. 11.5b it can be seen that the cell potentials we
obtained in acidic media are considerably lower than the literature values,
supporting what we have also concluded based on our own comparison with
KHCO:;.

11.5 Discussion and Conclusions

Based on our results in acidic media, the system design rules for CO,
electrolysers, recently presented by Bhagarva et al.?®, should be reconsidered. In
their work, pH 14 is pointed out as nearly the sole condition that can yield optimum
CO,RR to CO performance. However, their comparison is based only on
experiments carried out in 1 cm? GDEs in electrolytes with pH higher than 6. Our
work shows that operating in acidic media, specifically in sulfate electrolyte, can
considerably decrease the energy costs without harming other important figures of
merit such as current density and FE. Table 11.1 gives an overview of the molar
conductivities of different anions and cations that have been used/considered to
carry out CO,RR. It can be seen that an acidic electrolyte (of a given cation) will
always have higher conductivity than an alkaline one. Additionally, the less
bicarbonate formed during the course of the reaction, the better it is in terms of
carbon and efficiency losses.

In acidic media, the protons can to some extent neutralize the OH~ produced
upon reduction of CO, while in alkaline media these species will be neutralized by
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Table 11.1. Electrolyte compositions for CO, electrolysis. Equivalent ionic

conductivity?® (A°) of commonly used electrolyte ions, and feasible molality based

on the solubility?” of potassium salts containing different anions.

Conductivity

. + : n
cation 10*-S-m2-mol™* anton 10*-S-m?mol™*
H* 349.6 OH- 198
Rb* 77.8 NeXa 160
Cs* 77.2 CO;%” 138.6
K* 734 HPO,2~ 114
Na* 50.1 Br~ 78.1
Li* 38.7 I 76.8

cl- 76.3
NO;~ 714
ClO4 67.3
F~ 554
HCO3™ 445
H,PO,~ 36
Solubility
salt molal’ salt molal’
KOH 21.6 KoHPO, 8.6
K,SO4 6.9 KBr 450
K,COs 8.0 KNO; 31.3
KHCO; 2.2 KCIO4 0.1

*Molality (mol kg™?) calculated assuming the maximum concentrations feasible according to
the solubility values at 20 °C.#

CO;, itself, lowering the reactant’s concentration at the reaction interface. Although

pH 14 or larger has been proposed as the optimum condition to carry out CO,

electrolysis?, it has been recently emphasized that a series of difficulties can arise

from operating in hydroxide-based electrolytes at large scale. The work from Nesbit

and Smith?® shows that at high current densities (> 1 A cm™) there is a local increase

in the electrolyte concentration, which consequently increases its viscosity, slows

down diffusion, lowers the electrolyte conductivity (e.g. for KOH concentration > 5

M) and CO, solubility, increases the rate of HCOs™ production, increases the solute

activity and lowers the activity of water. According to the authors, these factors slow
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down the rate of CO,R and shift the reaction equilibrium potentials. These
contributions would be much less significant if operating in an acidic electrolyte.

Additionally, it is important to point out a few considerations that must be
made in terms of the choice of anion for carrying out CO, electrolysis in acidic
media. As shown in Table 11.1, sulfate anions not only have the highest conductivity
(after OH") but also allow for working in highly concentrated electrolyte. A
potassium sulfate solution, for example, can be prepared in concentrations up to
6.8 M. This is not the case for perchlorate, for example, which despite its use in
many fundamental electrochemical studies, is poorly soluble and could never be
employed in a large-scale process. Analyzing Table 11.1 further, halide anions
would be an option considering their high solubility, however it has been shown
that specific adsorption is detrimental for the activity for CO, reduction. Finally,
although hydrogenphosphate has relatively good conductivity and solubility, it has
been proposed to act as a proton donor for hydrogen evolution.?®

In summary, here we have shown that, while most of the efforts in the CO,R
field have been on developing better cathode catalysts, the electrolyte design,
specifically operating in acidic media, can considerably lower the cell potential and
consequently improve the energy efficiency, without compromising the FE for CO.
Based on the recent observation in idealized small-scale DEMS measurements that
under suitable conditions proton reduction can be suppressed during CO,R, our
results show that FEs between 80-90% for CO can be achieved at a gold gas-
diffusion  electrode at current densites up to 200 mA cm?
demonstrating the feasibility of running CO, electrolysis in acidic media. Under
these industrially relevant conditions, the high rate of CO, reduction (i.e. high
current density) leads to the production of sufficient OH" to neutralize the protons
before they reach the catalyst layer. This hinders proton reduction and enables a
high selectivity for CO even at bulk pH 2, at 200 mA cm=. Furthermore, we observe
that employing weakly hydrated cations in the electrolyte, such as Cs* and K*, is
crucial for assuring a high CO, reduction activity in acidic media. Considering
operation at industrially relevant scales, there must be a tradeoff between
performance and cost, which means K* sulfate salts are likely more suitable. Finally,
by comparing results in acidic and neutral media, we show that considerably lower
cell potentials can be achieved at low pH in sulfate electrolyte, which result in
energy savings up to 30 % operating at 200 mA cm=. Further research is of course
necessary to lower energy costs even more, achieve higher current densities and
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fully optimize the process. Our work, however, lays down a new path towards the
development of acidic CO, electrolysers.
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Chapter 12

Abstract

Large scale CO; electrolysis can be achieved using gas diffusion electrodes (GDEs),
and is an essential step towards broader implementation of carbon capture and
utilization strategies. Different variables are known to affect the performance of
GDEs. Especially regarding the catalyst loading, there are diverging trends reported
in terms of activity and selectivity, e.g. for CO, reduction to CO. We have used shear-
force based Au nanoelectrode positioning and scanning electrochemical
microscopy (SECM) in the surface-generation tip collection mode to evaluate the
activity of Au GDEs for CO, reduction as a function of catalyst loading and CO,
back-pressure. Using a Au nanoelectrode, we have locally measured the amount of
CO produced along a catalyst loading gradient under operando conditions. We ob-
served that an optimum local loading of catalyst is necessary to achieve high
activities. However, this optimum is directly dependent on the CO, back-pressure.
Our work does not only present a tool to evaluate the activity of GDEs locally, it also
allows drawing a more precise picture regarding the effect of catalyst loading and
CO, back-pressure on their performance.
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12.1 Introduction

The electrochemical reduction of CO, (CO,RR) has the potential to replace
processes involving fossil fuels for the production of fuels and chemicals. Several
studies have been performed to determine how to tune the activity and selectivity
towards the various gaseous and liquid products (e.g. CO, HCOO~, C,H4 CHy,
CH3CH,OH) on different catalyst surfaces.’? However, these studies are often
performed at a small scale, using idealized systems. Due to the poor solubility of
CO; in water, achieving high current densities at conventional electrodes is, among
other factors, hindered by CO, mass transport.>4 To realize CO; electrolysis at more
industrially relevant currents, gas diffusion electrodes (GDEs) have been used. GDEs
are hence promising, considering potential industrial applications of the CO,RR.>~®
However, due to the complexity of the reaction itself,!? the substrate,’* and the
electrolyser stack,!? there is still a lack of understanding on how the GDE
performance is affected by different system parameters. Gas diffusion electrodes
consist of a porous conducting material with the electrocatalyst being deposited on
the surface, which is immersed into the catholyte, while the reactant (CO,) is fed
from the backside, either in a flow-through or flow-by configuration. The reaction
happens at 3-phase boundaries formed by the catalyst, the electrolyte, and the
gaseous CO,. This configuration minimizes the depletion of CO, at the reaction
interface, allowing to operate at higher current densities. Additionally, the porous
structure of the GDE needs to be of hydrophobic nature to allow gas transport while
preventing electrolyte flooding. Various parameters have been shown to influence
the activity of GDEs, such as the catalyst loading, pressure, electrolyte flow rate,
reactor geometry, electric resistance, conductivity, wettability of the substrate,
among others, and deconvolution of their interrelated effects can be
challenging.®

For a conventional system in which CO, is bubbled into the electrolyte phase,
an increased electrochemically active surface area in contact with the electrolyte,
would in principle, lead to higher activity assuming sufficient CO, mass transport.
However, in the case of GDEs, this does not necessarily apply, as not only the
catalyst has to be present, but it also has to be simultaneously reached by the CO,
feed and wetted by the electrolyte. Previous studies on CO,RR to CO on GDEs have
been performed to assess the effect of the catalyst loading on the activity and
faradaic efficiency (FE) for CO. Duarte et al. investigated the reaction on 10 cm? Ag-
GDEs with catalyst loadings between 0.5 and 2 mg cm28 Their results show little
effect of the loading on the reaction selectivity, but an increase in activity was
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observed with higher loading. On the other hand, Bhargava et al.” conducted CO;
electrolysis on 1 cm? Ag-GDEs with catalyst loadings ranging from 0.3 to 3 mg cm-
2. They observed an increase in the CO partial current density with increasing
loading up to 1 mg cm?, with the highest mass activity as a function of potential
being obtained with a loading of 0.3 mg cm™. Along the same line, we recently
reported on the selectivity and efficiency of CO, reduction to CO in acidic media on
10 c¢m?® Au-GDEs with different loadings (Chapter 11). In galvanostatic
measurements, we observed slightly improved selectivity for CO with the GDE
having lower catalyst loading (1 mg cm) than the one with higher loading (2 mg
cm2). Through scanning electron microscopy (SEM) analysis of the two GDEs, we
attributed those differences to agglomerates within the catalyst layer at a loading
of 2 mg cm2, which prevents access of the reactants to the catalyst nanoparticle
surface. These contradicting results show that in-depth knowledge concerning the
parameters determining an optimal catalyst loading is not available. Additionally, a
systematic comparison becomes difficult as the experimental conditions and
fabrication procedures vary from one work to another.

Another approach to improve the activity of GDEs, is to increase the CO,
pressure at the back of the GDE or the CO, flow rate in a flow-through
electrolyzer.'>Y However, operating at too high CO, pressures, with the aim to
supply sufficient CO, to the whole catalyst surface, can be detrimental to the GDE
stability and may lead to flooding.!® It is important to point out that even though
activity and selectivity values are reported as a function of the CO, flow rate or
pressure and catalyst loading, a comparison between different studies is nearly
impossible due to differences of at least some of the experimental conditions.
Electrolyzers and GDEs have different sizes, the substrates have different composi-
tions, and there is always limited information about the actual flux of CO, reaching
the electrocatalyst surface/electrolyte interface. The ability to probe the activity of
GDEs /n situ may contribute to the understanding of the interplay between these
parameters as well as the impact of the surface topography, the formation of the
3-phase boundary, and ultimately provide the basis for the optimization of the
performance of CO,RR electrolyzers. Such information cannot be obtained using
conventional product detection techniques such as gas/liquid chromatography,
mass spectrometry, rotating-ring-disc electrodes (RRDE), due to their lack of spatial
resolution and sensitivity. In contrast, scanning probe techniques are powerful tools
for investigating activity locally with high resolution.'*2¢ Mayer et al.?? used a Pt
ultramicroelectrode (Pt-UME) to detect formate, CO and H, during CO,RR on
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Sn/SnOy arrays. However, here, the tip-to-surface distance was determined using
0O, reduction diffusion limitation, which may mainly practical for probing flat
electrodes. Similarly, in Chapter 5 of this thesis, we have used a Pt-UME in the
surface-generation tip-collection (SG-TC) mode to detect CO produced during
CO2RR on Au, Cu and Ag electrodes.?>?® Although these previous measurements
were performed on non-permeable substrates, it has also been demonstrated that
probing the local pH during the oxygen reduction reaction (ORR) and CO,RR on
GDEs can be achieved with SECM by shear-force positioning of Pt nanoelectrodes
at ~100 nm above the GDE surface.”3?¥ This experimental approach allows for
simultaneously deriving modulations of the local pH value in correlation with the
current density, and the topography /n situ and with high resolution.

In this Chapter, we have developed a method using SECM and shear-force
positioning to probe the local activity of gas diffusion electrodes under operando
conditions. We investigate how the catalyst loading and CO, back-pressure affect
the local activity of Au-GDEs under different applied potentials. For that, we
prepared 3 cm? Au-nanoparticles modified GDEs containing different catalyst gra-
dients ranging from low to high loading regions, and we used SECM in the SG-TC
mode to probe the activity during CO,RR to CO. By approaching the surface using
shear-force positioning, we are able to map the local CO product fluxes along these
Au-catalyst loading gradients at a very short distance of about 100 nm above the
GDE surface. The diffusion-limited CO oxidation current is constantly recorded at
the positioned Au nanoelectrode while the SECM tip is scanned across the loading
gradient. Simultaneously, the applied sample potential and the CO, back-pressure
are varied, and the interplay between catalyst loading and CO, back-pressure is
evaluated for optimum operation of GDEs. These measurements and the obtained
information opens up pathways towards investigating these systems on a deeper
level. This should eventually help to better design and optimize GDEs for CO,
electrolysis.

12.2 Characterization of the gas diffusion electrodes

To investigate the effect of the catalyst loading on the CO,RR activity of gas
diffusion electrodes (GDEs), we prepared two different GDEs containing loading
gradients of 60% Au/C nanoparticles. The Au nanoparticles, with an average
diameter of 20 nm (inset Fig. 12.1a), were sprayed on a porous gas diffusion layer
using an automated air-brush type spray-coater.?’?® Different volumes of the
catalyst ink were sprayed along 2 cm of carbon/PTFE GDE surfaces (Fig. 12.2a),
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a)

6000 12000 18000
X position / um

)

Fig. 12.1. Characterization of the gas diffusion electrodes. a) SEM micrographs taken in the
low, medium and high loading regions of a Au/C catalyst gradient sprayed on the gas
diffusion layer. The zoomed-in image (red box) shows the shape and distribution of the 20
nm particles on the GDE. b) Gold weight percentage measured with EDX along the loading
gradient showing a shallow (GDE-A) and steep (GDE-B) gradient. Each data point is an
average of three measurements around the same X-position, and error bars are the
respective standard deviation. ¢) SEM micrograph of the cross-section of GDE-B exposed
after milling with a focused ion beam, together with the EDX elemental maps recorded in the
same area.
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leading to GDE-A, exhibiting a shallow Au/C gradient, and GDE-B, having a steep
increase in the amount of Au nanoparticles along the length of the sample. It is
important to point out that the substrate used for this work does not contain a
microporous layer, so the catalyst ink was applied directly onto the gas diffusion
layer. Fig. 12.1a shows SEM images, representative of the different loading regions
of the resulting GDEs. At the low loading area, the carbon fibers are not entirely
covered by the Au/C nanoparticles. As moving to regions of higher loading, the
coverage increases as the shape of the fibers becomes less evident and the gaps
between the fibers are filled with the catalyst ink. The volume of catalyst ink
dispensed at each spray increment along the length of GDEs A and B indicates the
steepness of the two different catalyst gradients (see Fig. 1.3; Appendix I). In
addition, we characterized the different loading regions using energy dispersive X-
rays (EDX) mapping for comparing the amount of Au along the length of the GDEs.
The percentage of Au found along GDE-A and GDE-B is displayed in Fig. 12.1b,
showing that, as expected, for GDE-B, a higher loading and a faster increase along
the gradient is achieved compared with GDE-A. The values are an average of three
measurements around a given position. The EDX results are exemplarily shown in
Fig. 14 and Fig. L5 in Appendix I, together with SEM micrographs of GDE-A and
GDE-B at the corresponding positions. Due to the complex morphology of the
GDEs, we used focused ion beam (FIB) milling in combination with EDX to evaluate
the composition of the GDEs through a cross-sectional cut perpendicular to the
surface. Results for GDE-B are shown in Fig. 12.1¢c, and the SEM image suggests that
the GDE exhibits dense areas together with a few long pore-type channels
connected throughout the fibers. EDX elemental analysis shows the presence of Au,
C, F, O, K, and Ga (which originates from the ion source of the FIB). The majority of
the Au/C nanoparticles are located on top of the fibers. As EDX characterization was
performed after CO, electrolysis in KHCO;, K is found throughout the whole imaged
area. As recently shown by Cofell et al.?, this is due to KHCO3 deposition due to
concentration gradients and increased local alkalinity developed during electrolysis.

12.3 SECM and shear-force positioning

The activity of the GDEs was evaluated in the SG-TC mode of SECM, as
schematically shown in Fig. 12.2a. The GDEs were mounted on a specifically
designed cell (see experimental details in Appendix I) so that the whole catalyst
gradient was in contact with the electrolyte, while CO, was constantly fed through
the gas channel at the backside of the GDE. A Au nanoelectrode was used to detect
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the local amount of CO produced while CO,RR roccurred at the GDE. The Au wire
was platinized before it was inserted into the laser puller to improve the adhesion
between the Au wire and the insulating quartz capillary to fabricate a well-sealed
Au nanoelectrode. SEM micrographs of a Au nanoelectrode with a tip radius of 1.0
+ 0.02 pym are shown in Fig. 12.2b. During the SECM measurements, the tip was
brought as close as about 100 nm to the GDE surface at every XY position by perfor-
ming a shear-force based approach.®® A frequency spectrum and an example of an
approach curve, can be seen in Fig. 1.6 (Appendix I). A blank voltammogram of the
Au nanoelectrode was recorded in the shear-force interaction region before each
experiment (Fig. 1.7a, Appendix I), showing that at the chosen experimental
conditions in CO, saturated 1 M KHCOj3 only voltammetric features characteristic of
the Au oxide formation, reduction and double layer charging are present.3! To
assure that applying different potentials to the GDE does not affect the
nanoelectrode current and that the catalyst-free GDE is inert, we have also
consecutively recorded voltammograms of the Au nanoelectrode in the shear-force
interaction distance while stepping the potential at the catalyst-free GDE from -0.6
to -1.4 V vs. Ag/AgCl (Fig. 1.7b, Appendix I). We did not observe any CO formation
at the catalyst-free GDE, evidenced by the stable double layer charging current in
the potential range between —0.25 and 0.6 V vs. Ag/AgCl. To demonstrate that
the Au nanoelectrode responds to CO, a calibration gas contai-ning 1 vol. % CO
was fed through the back of the GDE for 10 s while a potential of -0.6 V vs.
Ag/AgCl was applied to the GDE (Fig. 1.6a, Appendix I). Two characteristic
anodic current plateaus become visible due to diffusion-limited CO oxidation to
CO,. These two plateaus appear only in a specific alkaline pH range, as shown
previously, confirming that they are due to CO oxidation limited by the
diffusion of two different species.?3? At more positive potentials, more specifically
at 1.2 V vs. Ag/AgCl, the anodic current is due to oxygen evolution. The two
voltammetric cycles recorded before the gas mixture was introduced show the
difference in magnitude between the double-layer charging and the faradaic
current due to CO oxidation. In the next step, we evaluated the voltammetric
response of the Au nanoelectrode, which was positioned in the shear-force
interaction distance above the GDE, at potentials of -0.6 and -1.2 V vs. Ag/AgCl
applied to GDE-A (shallow catalyst gradient) in 1 M KHCO; under a CO, back
pressure of 2 mbar. The voltammograms for the two GDE potentials are shown in
Fig. 1.8b in Appendix I. At 0.6 V vs. Ag/AgCl applied at the GDE only current
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Fig. 12.2. a) Schematic representation of the SECM experimental setup, with piezo elements
mounted at the Au nanoelectrode tip, approaching a catalyst loading gradient in hopping
mode. The SECM is operated in SG-TC mode, as shown in the inset; b) SEM micrographs of
the gold nanoelectrode; c) tip current recorded at a constant potential of 0.19 V
vs. Ag/AgCl, upon applying different potentials to the GDE in 1 M CO; saturated KHCOs.
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due to double layer charging is observed at the Au nanoelectrode, whereas at -1.2 V
vs. Ag/AgCl a diffusion limited plateau arises. Although the voltammetric features are
very similar to the ones observed when using the calibration gas (Fig. I.8a), a distinct
shift of the CO oxidation current plateau to more negative potentials is observed
due to the concurrent formation of OH™ and an increase in the local alkalinity. The
Au nanoelectrode current was recorded at a fixed potential of 0.190 V vs Ag/AgCl
during the SECM scans to account for these possible shifts, a potential which is
located in the middle of the diffusion-limited CO oxidation plateau. An example of
the current that is recorded at the Au nanoelectrode in the shear-force interaction
distance during a SECM scan is shown in Fig. 12.2c. Stable diffusion-limited currents
increasing from GDE potentials of -1.15 to -1.2 V vs. Ag/AgCl due to the
concomitantly increasing amount of CO produced at the GDE are observed. In
contrast, when the GDE potential is —0.6 V, the current drops and is only due to the
charging of the Au nanoelectrode double layer.

12.4 Effect of the catalyst loading

We have evaluated the amount of CO produced along the catalyst gradients
of GDE-A and GDE-B using the diffusion-limited CO oxidation current recorded at
the Au nanoelectrode. All SECM experiments were performed in the hopping
mode, where at each XY-position, a shear-force approach curve was performed.
The Au nanoelectrode current at different GDE potentials was recorded in the
shear-force interaction distance (~100 nm above the GDE surface), and then the Au
nanoelectrode was retracted and moved to a new XY-coordinate (Fig. 12.2a). The
average diffusion-limited CO oxidation current recorded at the Au nanoelectrode
during 60 s at every X-position and constant Y-position along the GDE is shown for
different GDE potentials. Results for GDE-A, at a CO, back pressure of 2 mbar, are
shown in Fig. 12.3a. We observe that the increase in catalyst loading along the X-
direction leads to a nearly linear increase in the amount of CO produced, as the tip
current rises from 4 pA (at X = 0 um) to almost 6 pA (at X = 17000 um). However,
surprisingly, most of the activity comes from localized hot spots, which are present
both in the low and high loading regions of GDE-A. CO hotspots and CO, pockets
(marked with a yellow and red shade in the SECM array scan, respectively; Fig. 12.3)
were detected at certain X-positions where not only relatively higher CO oxidation
currents were measured at the Au nanoelectrode, but also constant bubble
formation was disturbing the Au nanoelectrode signal. Bubbles were identified due
to the signature of the noise they
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Fig. 12.3. SECM array scans along a) the catalyst gradient of GDE-A at a CO; back-pressure of 2
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respectively.
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cause in the Au nanoelectrode current response (see Fig. 1.9 in Appendix I). CO hot
spots (marked with a yellow shade in the SECM array scan; Fig. 12.3) were identified
at positions where the noise in the Au nanoelectrode current was detected
upon applying potentials of —1.20 or -1.15 V vs. Ag/AgCl to the GDE. CO, pockets
are found at positions where even at a potential of -0.6 V vs Ag/AgCl (no CO
produced at the GDE), the Au nanoelectrode current was showing the
characteristic noise due to bubbles. We observed that every CO, pocket was also a
CO hot spot, but not every CO hot spot was a CO, pocket. The bubble-associated
noise was not considered for calculating the average diffusion-limited currents as
it is not representative of the CO concentration. Fig. 12.3a zooms in the low current
range, and a plot displaying the complete current range is shown in Fig. L10 in
Appendix L. The current at the hotspot locations is up to 5-6 times higher than the
maximum current obtained at the other measurement areas of the catalyst gradient.
This suggests that at the relatively low catalyst loading along the gradient, the
formation of the three-phase boundary within the GDE is more critical to assure
high activity than the amount of catalyst on the GDE surface. Additionally, it is
important to point out that the pore network and transport properties of the gas
diffusion layer may play an important role on the formation of these hot spots. For
example, CO can accumulate in the pores near highly active areas of the GDE. These
gas-filled pores find the optimal pore system for breaking through and therefore
the surface of the GDE where the gas-filed pore network opens to the bulk
electrolyte is detected as a hot spot. An example of such a pore system can actually
be seen in the FIB cross section depicted in Fig. 12.1c. Despite the complexity of
these processes, our measurements show how inhomogeneous the activity is along
the gradient and that a higher catalyst loading alone, does not assure high activity.

The activity along GDE-B with a steeper catalyst gradient was also evaluated,
however, at a lower CO, back pressure of 0.7 mbar (Fig. 12.3b). In general, higher
activity is observed in comparison to GDE-A, despite the lower CO, pressure. Up to
X = 11000 um, a steeper increase in the amount of formed CO is seen, which is in
good agreement with the EDX characterization (Fig. 12.1b). In contrast to the results
obtained from GDE-A, the activity starts to decrease for GDE-B at X > 11000 pum.
Due to the lower CO; availability and the higher density and thickness of the catalyst
layer, it seems that at higher loading, a part of the Au/C nanoparticles is less
accessible to the CO,. At lower backpressure, no CO, pockets and nearly no CO hot
spots along GDE-B are detected. We have also investigated the relationship
between activity and GDE topography to better understand the effect of the CO,
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gradient through the gas diffusion layer. A height profile was derived from the
absolute Z-position of the shear-force interaction distance of the closest approach
of the Au nanoelectrode above the GDE surface. This topography profile is plotted
together with the Au nanoelectrode current from Fig. 12.3b at -1.2 V vs. Ag/AgCl
(Fig. L11 in Appendix I). Interestingly, locations where more CO is detected
(indicated by red arrows) coincide with lower absolute Z-positions of the Au
nanoelectrode. This suggests a CO, concentration gradient from the back towards
the surface of the GDE, and hence at these lower Z-positions, e.g. above a pore, the
local concentration of CO; is likely higher, yielding more CO. The same analysis
cannot be done for the measurement from Fig. 12.3a (GDE-A), as the large amount
of bubbles leads to an uncertainty in the positioning of the Au nanoelectrode over
CO, pockets and CO hotspots.

12.5 High-resolution activity map

To better understand how localized the hot spots are, and how much the
activity can vary within a small area of the GDE, we have recorded activity maps on
a 30 x 30 ym area of GDE-B. The origin of the map (XY = 0,0) corresponds to
position X = 10000 um in Fig. 12.3b within the high activity region along the
catalyst concentration gradient. For constructing the activity maps, at each XY
position a Z-approach was carried out and the CO oxidation current was recorded
at the tip while four different potentials were applied to the GDE (-1.15, -1.20,
-1.25 and -0.60 V vs. Ag/AgCl). The current determined at each position was
normalized to the double-layer charging current recorded at —-0.6 V, to account for
slight changes of the tip response, which can occur during these long-term
measurements (~ 14 h). The activity maps at different GDE potentials are shown in
Fig. 12.4, and the data processing in Fig. 1.12 in Appendix . We observe a similar
activity trend as for the array scans in Fig. 12.3a and Fig. 12.3b, where more CO is
formed at more negative potentials. Interestingly, large differences in activity are
observed, demonstrating the inhomogeneity of the lateral response over the GDEs.
For example, at position (X,Y = 0,0), the activity is seven times higher than at the
center of the mapped area (XY = 15,15). As the catalyst gradient was formed over
a much wider length of the GDE (1.7 cm) than the one visualized in the array scan
in Fig. 12.4 (30 um), we hypothesize that the detected differences are not due to a
difference in the catalyst loading. These differences highlight that apart from a high
catalyst loading, it is imperative to supply enough CO, and to provide a
homogeneous distribution of pores of the GDE accessible for CO,, in order to form
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a three-phase reaction boundary. The used experimental SECM-based strategy
allows to spatially resolve inhomogeneous CO,RR activity, which is a direct result of
inhomogeneous three-phase boundary properties within the GDE pore system.
Thus, different CO fluxes detected at the Au nanoelectrode are not only a function
of catalyst quantity at a given location, but are additionally related to the gas
transport of CO, through channels below the actual accessible GDE surface as well
as the local reaction rate and the concomitant local change in the pH value.

We have marked the region where the activity maps were measured to
analyze the morphology-activity relationship of the GDE. After the experiments,
GDE-B was marked with a 1.2 mm tip, at two known and safe distances from the
area that was mapped (Fig. .13 in Appendix I). SEM images of the marked GDE area
were obtained, and although we cannot assure the location of the specific area of
the SECM activity map with a sufficiently small confidence interval, a quite high
number of larger pores can be seen in this region. From Fig. .11 in Appendix [ we
are confident that the area is very similar to the area selected as shown in Fig. L13b
(Fig. 1.13c). Above and in the pores, the concentration of CO,, and consequently the
formed CO, is significantly higher than above the topmost fibers of the GDE. These
deeper pores and differences in the pore network are most likely responsible for
the significant activity differences shown in Fig. 12.4.

12.6 Effect of the CO, pressure

As most results so far point out the importance of CO, reaching the wetted
catalyst layer, we have also performed an array scan along GDE-B, but now at a CO,
back-pressure of 4.2 mbar (Fig. 12.3b). This is the highest possible CO, pressure at
which we could perform SECM measurements without gas bubbles disturbing the
electrolyte. Surprisingly, compared to Fig. 12.3b, we see that upon increasing the
CO, pressure, the activity in the low loading region (0 < X < 7000) increases by an
order of magnitude (Fig. 12.5). However, here the effect of the catalyst gradient is
much less pronounced. Due to the higher back-pressure, more hot spots and CO,
pockets are formed along the catalyst loading gradient. In contrast to the low
loading region, above X = 7500 um (compare Fig. 12.3b), a large increase in the Au
nanoelectrode current is seen reaching a maximum at a higher catalyst loading than
at a CO, back-pressure of 0.7 mbar. This suggests that a large portion of the catalyst
layer is not utilized at lower back-pressure because it is not reached by the reactant.
Once the CO, pressure is increased, the maximum activity is shifted to a higher
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catalyst loading area. If the loading is too high, the surface will be blocked and it
will be more difficult for CO, to reach the active sites at the catalyst surface.

12.7 Discussion

These results have implications for the design and optimization of GDE-
based CO, electrolysis systems. We see that overall, higher catalyst loadings lead to
higher activity for CO, provided enough CO; is supplied. However, we can now also
better understand why results in literature show opposing dependencies regarding
the relation between local CO,R activity and catalyst loading in GDEs. The optimal
loading to achieve the highest activity is strongly dependent on the CO, back-
pressure and the permeability of the gas diffusion substrate (Fig. 12.3b and Fig.
12.5). For example, we previously performed experiments with a large excess of CO,,
and the GDE with lower catalyst loading exhibited a higher faradaic efficiency for
CO. On the other hand, Duarte et al.® observed an increase in CO partial current
density with increasing loading but with no effect on the faradaic efficiency. This
also points out to the fact that different gas diffusion layers highly differ in terms
of how the pore channels are distributed and how permeable and hydrophobic the
layer is. All these parameters will play a role and should be tested for and taken into
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account when establishing optimum operation conditions for GDEs. Despite the
complexity of GDE-based CO; electrolyser systems, we have now a tool at hand to
go one step further in finding the optimal operation parameters based on the local
information which can be attained using the experiments we show here. Even
though we could already obtain valuable insights into the effect of catalyst loading
on the activity of GDEs, a more systematic study would allow to establish more
quantitative system design rules. Additionally, we propose that spray-coating, the
currently most used production process for GDEs, may not be ideal in the sense
that most of the catalyst particles are located only at the topmost layer of the GDE,
where the CO, concentration is lowest in a flow-through or flow-by configuration.
This suggests that the catalyst particles should be dispersed within the GDE matrix
and homogeneously distributed along the electrode cross-section, while still, of
course, allowing for electrolyte to percolate. In that way, most of the catalyst will be
utilized, and the CO, back-pressure can be moderate.

12.8 Conclusions

We have assessed the effect of catalyst loading and CO, pressure on the
activity of Au GDEs. We used shear-force based Au nanoelectrode positioning, and
the SG-TC SECM mode in combination with catalyst loading gradients on the GDE.
CO; reduction to CO was carried out and the formed CO was detected using the Au
nanoelectrode. Our results show that higher catalyst loadings lead to higher activity
for CO, provided that enough CO, is supplied. We confirm experimentally, that an
optimum balance between the available amount of catalyst and the supplied CO,
is necessary to achieve high activity for CO, reduction. Evidently, employing a large
amount of catalyst without providing enough CO, does not sufficiently utilize the
catalyst. The proposed methodology opens up opportunities for probing the
activity of GDEs locally in a more controlled manner than using conventional
product detection techniques. On top of that, the shear-force positioning used
here, allows to directly correlate the activity data with the electrode topography.
With that, the influence of other variables on the activity of GDEs can be investiga-
ted, such as gas diffusion layer composition and GDE porosity.
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Appendix A

A.1 Scanning Electrochemical Microscopy (SECM) setup

SECM experiments were performed in a home-built system equipped with x-
y-z stepper motors (C-863 Mercury, PI) and piezo positioners (E-665, PI). A
schematic representation of the cell and the configuration of the electrodes can be
seen in Fig. A.1. A glass cell (5 ml capacity) with a 0.8 mm diameter opening at the
bottom is pressed against a base plate with the help of 4 screws. An O-ring (Viton)
is placed between the sample and the glass to assure a good sealing. A copper
plate (0.5 mm thick, MaTeck) is used to make the electrical contact to the sample.
As depicted in the figure, the system is operated by two distinct potentiostat
channels. All the SECM measurements reported in this work were performed using
a Bio-Logic 2-channel potentiostat/galvanostat/EIS (SP-300). The sample counter
electrode is a ring carefully positioned around the sample in order to assure a
homogeneous electric field and the tip reference electrode is placed as close as
possible to the tip. Prior to experiments the glass SECM cell and gas bubblers are
cleaned by immersion in potassium permanganate solution for 24 h (1gL?
KMnO, dissolved in 0.5MH,SO,) followed by immersion in dilute piranha in
order to remove residues of manganese oxide and permanganate anions. The
glassware is further cleaned by boiling at least five times in ultrapure water.
The cell and positioning system are mounted on a steady base plate and
enclosed in a Faradaic cage to minimize the noise and vibration interference in
the measurements.

A.2 Capacitive approach system

The mediator-free approach of the modified gold microelectrode to the gold
working electrode was performed in air by applying a 10 kHz AC voltage with an
amplitude of 4 V,, (1.41 Vrus) to the sample using a function generator (33210A,
Keysight). The gold microelectrode was connected to a low noise current
preamplifier (SR570, Stanford Research) operated at high-bandwidth with a gain of
2-108 V AL, The capacitive tip current was obtained using a virtual lock-in amplifier
(LabView).

A.3 SECM pH sensor fabrication

Gold ultramicroelectrodes (Au-UMEs) were fabricated by sealing a gold wire
(50 pum diameter, H. Drijffhout en Zoon's Edelmetaalbedrijven B.V.) in a glass
capillary (0.4 mm i.d., Drummond Scientific Co.) and exposing a cross section by
grinding the electrode with a silicon carbide paper (grit size 600, MaTeck). The
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surface was prepared by polishing with a 1, 0.25 and 0.05 um diamond suspension
(MetaDi, Buehler) for 2 min. In between each polishing step the electrode was
sonicated (Bandelin SONOREX RK 52H) in ultrapure water (>18.2 MQ cm, Millipore
Milli-Q) for 5 minutes and after the last step 5 minutes in ethanol followed by 15
minutes in water. After surface preparation the electrode was characterized by cyclic
voltammetry in 0.1 M H,SO,, recorded in a one compartment cell (20 ml) using a
gold wire (0.5 mm diameter, MaTeck, 99.9%) as counter electrode and a Ag/AgCl
(LowProfile, Pine Research Instrumentation) reference electrode. The gold
ultramicroelectrode (Au-UME) blank voltammetry shows a broad oxide peak
starting at 1.0 V vs. Ag/AgCl and a sharp reduction peak in the cathodic scan. The
low double layer charging current demonstrates that the electrode preparation
leads to a smooth surface. This, and the surface cleanliness are very important for
the subsequent functionalization of the Au-UME with a self-assembled monolayer.
The Au-UMEs were modified with 4-nitrothiophenol (4-NTP, Merck, 80%) by
immersion in a 1 mM 4-NTP/ethanol solution. After 20 min the electrode was
thoroughly rinsed with ethanol and ultrapure water in order to remove weakly
adsorbed species. The functionalized electrode was transferred back to a 0.1 M
H,SO, solution in order to convert the organic molecule by polarization from 0.1 to
-0.25 V vs. Ag/AgCl (100 mV s1). Calibrations of the pH sensor was performed by
cyclic voltammetry in 0.1 M Li,SO4 (Alfa Aesar, anhydrous, 99.99% metal basis)
solutions saturated with different gases at various pH. The pH was adjusted by the
addition of appropriate amounts of 1 M H,SO,4 (Merck, Suprapur, 96%) or 1 M LiOH
(Merck, monohydrate, 99.995% trace metals basis). The pH of the calibration
solutions was determined with a glass-electrode pH meter (Lab 855, SI Analytics)
calibrated with standard buffer solutions (Radiometer Analytical). The
functionalized gold UME was calibrated in 0.1 M Li,SO, solutions of various pH as
this is the electrolyte used for the hydrogen evolution experiments shown in this
work. The calibration was performed with the electrolyte saturated with either argon
or hydrogen, as these are also the gases present during the experiments. The tip
voltammetry can be seen in Fig. A.3 and clearly the different gases do not have any
influence thereof.
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A.4 pH measurements

To perform the pH measurements, the SECM electrochemical cell is filled with
4 ml of electrolyte. For the measurements described in Chapter 3 and Chapter 4 the
sample is a gold disc (0.5 mm thick, MaTeck, 99.995%) cleaned and polished with
diamond suspension using the protocol described in Chapter 7. Two gold wires and
two Ag/AgCl electrodes are used as counter and reference electrodes, respectively.
Gases (argon or CO,) are purged through and above the solution throughout the
whole experiment to avoid oxygen diffusion into the electrolyte. Measurements are
performed with the pH sensor at a constant distance from the surface and the tip
voltammetry is constantly recorded at a scan rate of 200 mV s (5 seconds per cycle)
while the sample potential is varied.

A.5 Local pH during hydrogen evolution (Chapter 3)

The sample chronoamperometry is recorded and can be seen in Fig. A4.
Initially the sample is held at 0 V vs. Ag/AgCl and subsequently different negative
potentials where hydrogen evolution is taking place are applied. In between
measurements the sample potential is again set to 0 V for long enough that the
measured pH is equal to the bulk pH, demonstrating the recovery of the diffusion
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layer gradient. A second set of experiments was performed changing the sample
potential in smaller steps to show not only the sensitivity of the pH sensor but also
that it can be used in a wide pH range. The chronoamperometry can be found in
Fig. A.5.

A.6 Data processing from pH measurements

The pH probe is positioned at a constant distance from the surface with the
sample potential held at 0 V vs. Ag/AgCl. In Chapter 3 for example, hydrogen
evolution reaction (HER) is turned "on" and "off" at the substrate and the tip
voltammetry is measured in time. An example of the peak shift monitored at the tip
can be found in Fig. A.6, for HER turned "on" at the sample at -0.75 V vs. Ag/AgCl.
The data processing is performed by fitting the tip voltammetry with a Gaussian
function with a linear background (Eq. A.1) to extract the anodic mid-peak position.
The fitted data for -0.75 , —0.65 and -0.55 V vs. Ag/AgCl (two runs) can be found in
Fig. A.7.

f(x) =y, + a;*x + a, *exp(—((x — xo)/width)z) Eqg. Al

The mid-peak potential for each cycle was obtained by fitting the tip
voltammetry (see SI) and converted to pH using the calibration curve.

a) b) -
peak shift | peak shift
4 4.
< <
c C
~ ~ 04
— 04 —
-4
-4 —_ == HER "ON" @ -0.75 V| HER "OFF" @ -0.75 V
T T T T T T T T T T T T
-0.2 0 0.2 04 -0.2 0 0.2 04
E/V vs. Ag/AgCl E/V vs. Ag/AgCl

Fig. A.6. Mid-peak potential shift of the pH probe when hydrogen evolution is turned a)"on"
and b)"off" at the gold sample at —0.75 V vs. Ag/AgCl.
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Fig. A.7. Data points obtained by fitting the tip voltammetry.

A.7 Finite Element Method (FEM) simulation methods (Chapter 4)

The experimental system from Chapter 4 is represented by a 2D axisymmetric
cylindrical SECM tip and a planar working electrode at the bottom of a cylindrical
cell. Geometric parameters! are listed in Table A.1 with a graphical depiction of the
geometry in Fig. A.8.

Table A.1. Geometric parameters

Parameter Value
Tip Radius (R;,, um) 25
Insulation Radius (R;,;, pm) 500
Working Electrode Radius (Rj,;, mm) 5
Boundary Radius (R4, MM) 8
Normalized tip-surface separation (L) 34
Tip electrode height (h;,;, mm) 7.4
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Fig. A.8. Geometric description of the experimental system with simulation boundary
conditions used for hydrogen evolution and CO; reduction.

Migration is neglected and transport is governed by Fick’s second law of
diffusion. Proton-hydroxide ion recombination is included as a homogeneous
reaction along with the carbon dioxide reversible reactions (Eqg. 4.4-4.7 in Chapter

4). The governing equations are:

S5 = DV3C; + IRy Eq. A.2
where C; is the concentration of each species in solution (H*, OH~, H,O, H,, Li*, and
SO4%), D; is the species diffusion coefficient, and the reversible reaction rates, R;j,
for each species, i, are summed for each reversible reaction , j.

The boundary conditions, visually represented in Fig. A.8, are as follows:at the WE
surface (z = 0), a flux balance is applied using the electrode reaction:

-DVC;-n=};ny; Eq. A3

where nis the surface normal. The summation is over all surface reactions, j,
and ry; is the rate of production of species i due to reaction j; ¥'r;; is the summation
of the reactions involving a given species, i. Proton reduction (PR), water reduction
(WR) and carbon dioxide reduction (CO,RR, Eq. A.6) are considered at the substrate.
Proton reduction and water reduction rates are assumed to be limited by Volmer
adsorption of hydrogen (Eq. A4 and A.5, respectively, £,,, is an arbitrary reference
potential for the first reaction step).3

kO,PR
PR, Volmerstep: HY+S+e” o Hyys Eq. A4
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Egpp =0V vs. SHE atpH =0
kowr
WR, Volmer step: H,0 + e~ & OH™ + Hgyys Eqg. A5
Egpp =0V vsSHE atpH =0
ko,co,r

CORR: CO, +H,0+2e~ < 20H™ +CO Eq. A6

Ey =—0.52V vs SHE

The rates of PR and WR, due to the large overpotentials, were expressed by
Tafel kinetics. CO,RR was expressed in Butler-Volmer form:

7pr = Kopr(Cy+ exp(—aprnprfMpr)) Eq. A7

Twr = kO,WR(CHZO eXp(—OfWRnWRfTIWR)) Eq.A.8
TCO,RR = kO,COZRR (CCOZRRCfﬁ exp(_aCOZRRnCOZRanCOZRR) -

Ch,0Cco €XP ((1 - aCOZRR)nCOzRanCOZRR)) Eg. A9

where k, ; are the rate constants, the number of electrons is n;, the charge transfer
coefficient is a, and n; = E — E, j, where the E, ; are the formal potentials are and
E is the applied surface potential. Finally, f = ifwhere F is Faraday’s constant, R
is the gas constant and T is the temperature.

Three surface reactions occur simultaneously at the gold surface electrode.
At the liquid-atmosphere boundary(z = L + ht;,), the concentration of molecular
hydrogen, H,, is zero (Fig. A.8), the bulk concentration of CO; is set to 0 (under Ar)
or 10 mM (under CO), and flux is set to zero for all other species. This bulk CO,
concentration, which is roughly half of the estimated saturation concentration (23
mM, for 1 atm CO; in 0.1 M Li,SO, at pH 3 and 25 °C), is set to avoid numerical
convergence issues encountered at higher concentrations. At all other boundaries,
a zero-flux condition is imposed for all species. Diffusivities used in the simulation
are listed in Table A.3 with the equilibrium and dissociation constants for the
reversible reactions. Kinetic rate constants for the homogeneous dissociation
reactions were obtained from Wuttig et al.* and Bohra et al.> The tip electrode
proton adsorption is assumed to have negligible effects on the pH.
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A.8 pH measurements during HER and CO, reduction (Chapter 4)
A.8.1 Calibration functionalized Au-UME in CO, atmosphere
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Fig. A.9. Blank voltammetry of the Au-UME used for the pH measurements taken in argon
saturated 0.1 M H,SO4 at 50 mV s,
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Fig. A.10. Voltammetric response of the Au-UME functionalized with the 4-HATP/4-NSTP
redox couple in 0.1 M Li,SOy solutions of different bulk pH after saturation with CO; for 5
minutes.
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A.8.2 Capacitive approach curve
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Fig. A.11. Capacitive approach curve recorded before the pH measurements, in order to
define the surface position.

A.8.3 pH measurements

SECM pH measurements were performed in 0.1 M Li;SO,4, pH = 3. The sample
potential was stepped from -0.5 to -0.9 V vs. Ag/AgCl in 50 mV steps.
Chronoamperometry at the sample was carried out for about 3 minutes at each
potential while the pH was measured with the tip. The pH response as a function of
potential shown in Fig. 4.3 in Chapter 4 is summarized in the figure below, where
each value displayed is the pH measured after 100 seconds of
chronoamperometry at the sample.
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Fig. A.12. Mid-peak potential obtained by fitting the voltammetry of the 4-HATP/4-NSTP
functionalized Au-UME recorded while the sample potential was stepped in 0.1 M Li;SO4
either in a) argon or b) CO; atmosphere. The sample potentials are indicated below the
curves, in V vs. Ag/AgCl.
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Fig. A.13. Chronoamperometry recorded at the polycrystalline gold sample in a) argon and

b) CO; atmosphere in 0.1 M Li,SO4, pH 3.
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Fig. A.14. Comparison of the pH measured at the same distance from the surface in argon
and CO; atmosphere. Values taken from Fig. 4.3 in the main text, after each potential was
applied for 100 s.

A.9 Finite Element Method (FEM) simulation

Simulations were completed using COMSOL Multiphysics with transport of
dilute species. A triangular mesh was used with an increased resolution surrounding
the surface and tip electrodes. All species were included in the simulation and the
properties defined below were used to describe the transport and reactivity of each
species.

A.9.1 Hydrogen evolution reaction kinetics

The hydrogen evolution reaction is simulated by solving Eq. A2 and A3
shown in Section A.8. The use of Eq. A.7 to calculate initial proton reduction kinetic
rate parameters is justified by the Tafel slope of 147 mV dec™ (Fig. A.15), indicating
that a Volmer or large overpotential Heyrovsky steps are likely the rate limiting
step.? When the reduction reaction is largely irreversible, the Heyrovsky response
approaches that of the Volmer. Initial guesses of a,, and k, pz were determined from
the Tafel plot (see Fig. A.15) and E, = 0 V vs. SHE at pH = 0. Subsequently, kinetic
parameters for proton reduction (PR) appearing in Eq. A.7 in the main text, were
obtained from fitting to cyclic voltammetric data, specifically the reductive peak of
the third cathodic sweep under argon (Fig. A.16) over a potential range from 0 to
0.9 V vs. Ag/AgCl. We expect this CV current to be mainly due to proton reduction
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and not water reduction, because of the fast potential sweep rate (100 mV s™) and
low bulk pH. During a CV cycle, the surface pH remains below 6.5, supporting this
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Fig. A.15. Tafel slope for HER at pH 3 extracted from the chronoamperometry (Fig. A.13a)
experiment.
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Fig. A.16. Cyclic voltammogram of proton and water reduction in argon. Experimental

results (black) are compared to FEM simulation results (blue line) with a 95% confidence
interval.
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Table A.2. Kinetic parameters estimated by fit to the Tafel plot (Fig. A.15), the cyclic
voltammogram (Fig. A.16), or the pH-V relation (see Fig. 4.6a in Chapter 4). Values that were
fixed and not fitted are marked with a star (*).

Tafel CV fit pH-Vfit

Parameter . . ) Literature Ref.
(Fig. A.15) (Fig.A.16) (Fig. A.14)

kopg [cm/s]  4.2E-8 + 1.8E-8 3.8E-8 + 1.8E-8 - 1E-6-1E-10 69
apRr 041 + 0.01 0.43 £ 0.03 - - -
Npr - 13 +0.01 - -

o o o

Dy+[cm?/s] - 14E-5 + 5.5E-6 - 9.3E-5 4

kowr [cm/s] - - 3E-14+2E-14 -
awr - - 0.5*
Nwr - - 1

Eppr [V vs. B B 0*

SHE]

Doy-lcm?/s] - - 5.3E-5 10
R? 0.999 0.993 0.976 - -

assumption. The resulting parameters for ap, kqpr, Dy+ and np are listed in Table
A2, where the calculated charge transfer coefficient (a, = 0.41) agrees with the
result obtained from the Tafel slope in Fig. A.15.

After having fit the cyclic voltammogram, the rate constant for the water
reduction reaction, kowgr, described by Eq. A8 was obtained by fitting the
pH-voltage relation shown in Fig. 4.6 of Chapter 4. All other parameters appearing
in Eq. A.8, were set to the values given in Table A.3. For comparison to experiment,
the pH values were averaged over the SECM electrode area. During the optimization
of kowr the parameters obtained for the hydrogen evolution reaction were kept
constant. As the pH response is largely dominated by the water reduction reaction
at potentials more negative than —0.65 V vs. Ag/AgCl (Fig. A.17), keeping the
hydrogen evolution reaction parameters fixed, is a reasonable approach. Because of
this, only the water reduction rate constant (k,,, = 3E-14 + 2E-14 cm s) was fit for
this data set. With an R? value of 0.976, the simulation results shown in Fig. 4.6a of
Chapter 4 match reasonably well with the experimental results, except at the
potential of -0.65 V vs. Ag/AgCl, where the simulation underestimates the pH
change. The water reduction current at the portion of the surface electrode directly
below the surface (r = 0 - R, z = 0) reaches a local maximum at -0.65 V vs. RHE
due to the large pH increase (OH™ accumulation) directly below the tip. This
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hydroxide accumulation drives a decrease in the water reduction rate directly below
the SECM tip.

o
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— water reduction
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Esample / V vs. Ag/AgCl
Fig. A.17. Calculated contributions of the local chronoamperometric current density at the
gold electrode and beneath the SECM tip, due to proton (blue) and water (red) reduction.
Current density is calculated from average flux of each species over 25 um (Ry;;) from the

center of the surface electrode, which is below the SECM tip electrode.
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Fig. A.18. Vertical concentration profiles during HER in the absence of CO, for H* (solid) and
OH- (dashed) as the boundary layer approaches the tip position (dotted grey line). Surface
electrode potentials of —0.850 V (blue) and —0.8625 V (red) vs. Ag/AgCl are shown.
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A.9.2 CO, reduction reaction kinetics

The electrochemical reduction of CO; is described by Eq. A.9. The relevant
parameters, which are listed in Table A.2, are either set to the theoretical values or
taken from literature. Homogeneous reactions are represented by the below rate
laws (Eq. Al0-Al6). The values for the equilibrium, K;, and dissociation rate
constants, k_;, are listed in table A.3.

—Ts1i,0 = K1 * k_1C0,Chy0 — k-1Chyco, Eq.A.10
—Ts24H,c05 = K2 * k_2Ch,c0, — K—2Chcos Cy+ Eq.All
—Tsz.on~ = K3 * k_3Cco,Con — k_3Chcos Eq. A12
~Tsgson- = Ky ¥ k_4Chcoz Con- — k-4Crp2- Eq.A13
—Tssupt = Ks * k_5Cy+Cop- — k_5Cy,0 Eq. Al4
—Tseuco; = Ko * kK—Crco; — k-6Ccoz-Cy+ Eq.A.15
—Ts7.1,0 = K7 * k_7Cc0,Chy0 — k—7Cy=Cyco; Eq.A.16

Table A.3. FEM system parameters. Values for proton reduction and water reduction are
given in Table A.2.

Variable Value Reference
Dy, , cm?s? 5.5E-5 H
Dy,o , cm?st 2.2E-5 12
D+, cm?st 1.0E-5 13
Dgz- , cm’s™ 2.0E-5 1
*Dy+, cm?s? 9.3E-5 4
Doy- , cm?st 5.3E-5 10
Dyso; , cm?s™ 2.3E-5 4
D¢o, , cm?s? 1.7E-5 4
Dco, cm?s 1.6E-5 4
Dyco; , cm?s™ 1.0E-5 4
D¢gz-, cm?’s™ 8.0E-6 4
Dy,co,  cM?s’t 3.5E-5 4
K1 2.6E-3 4,14,15
k_y st 2E4 4
K,, M 1.7E-4 414
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k_, M1s?t 1E12 4
K; M1 AE7 514,15
k_z,s* 5E-5 5
Ky M? 1.7E3 5,15
kg Ms? 1E6 5
K5, M? 1E-14 516
ks, M1st 2E9 5,16
K¢ M 5E-11 4516
kg Mtst 1E12 416,17
K; M 4.4E-7 1516
k_, Mtst 9E4 15
koco,rr 1E-15

®co,RR 0.5

Nco,RR 2

Eqco,r [V vs. SHE]  —0.52

*see Table A.2 for fitted value used in FEM simulations
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Appendix B

B.1 Microelectrode and pH sensor fabrication

The platinum ultramicroelectrode (Pt-UME) was made by etching and sealing
a platinum wire (50 um diameter, Goodfellow, 99.99%) into a soda lime glass
capillary using a butane torch. Details can be found elsewhere.! The gold
ultramicroelectrode (Au-UME) was fabricated also by sealing a gold wire (50 um
diameter, H. Drijfhout en Zoon's Edelmetaalbedrijven B.V.) in a soda lime glass
capillary, however without the etching step. A cross section of the wires was
exposed by grinding the UMEs with a silicon carbide paper (grit size 600, MaTeck).
The surface preparation was done by polishing with a 1, 0.25 and 0.05 pm diamond
suspension (MetaDi, Buehler) for 2 min. To remove as much as possible polishing
particle residues, the electrode was sonicated (Bandelin SONOREX RK 52H) in
ultrapure water (>18.2 MQ cm, Millipore Milli-Q) for 5 minutes in between each
polishing step and after the last step sonicated for 5 minutes in ethanol and 15
minutes in water. The resulting Pt-UME and Au-UME used in Chapter 5 have a
radius of approximately 6.5 + 0.07 um and 26.9 + 0.05 um, respectively, determined
with the Fe(CN)¢>/Fe(CN)s* outer sphere reaction. Prior to experiments, the Pt-
UME was cycled 200 times between 0.06 and 1.60 V vs. RHE in 0.1 M H,SO, (Merck,
Suprapur, 96%) at 1 V s, yielding a reproducible blank voltammogram. The Au-
UME was also characterized by cyclic voltammetry in 0.1 M H,SO,, to assure that
there is no leakage between the wire and the sealing. The blank voltammetry of
the Pt and Au UMEs and the voltammetry in Fe(CN)s>/Fe(CN)s* can be found in
Fig. B.1. The Au-UME pH sensor synthesis is done as described in Chapter 3 and
Appendix A.

B.2 Scanning Electrochemical Microscopy (SECM) methods

SECM experiments were carried out in our home-built SECM setup, which
was described in detail in Appendix A.? All the equipment and cleaning procedures
used here, are exactly the same as also reported in Appendix A. The sample used is
a gold disc (0.5 mm thick, MaTeck, 99.995%) cleaned and polished with diamond
suspension using the protocol described in Chapter 7 and Appendix D.2
Measurements were performed in 5 ml of 0.1 M Cs,SO, (Alfa Aesar, Puratronic™,
99.997%, metals basis) which was constantly purged with CO,. The electrolyte
choice was made based on the high activity for CO, reduction achieved in Cs*
containing electrolytes. Measurements were performed at a constant distance from
the surface and the tip voltammetry was constantly recorded at a scan rate of 200
mV st while the sample potential was varied.
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B.3 RDE methods

RDE experiments were performed using a MSR Electrode Rotator (Pine
Research Instrumentation) equipped with an AFE6M shaft. The RDE
measurements were carried out in a three-electrode glass cell in which the
reference was a reversible hydrogen electrode (RHE) separated from the work
compartment by a Luggin capillary. The working electrode was a polycrystalline
platinum disc (5.0 mm OD x 4.0 mm thick, Pine Research and Instrumentation)
and the counter electrode a platinum mesh. Prior to experiments, the Pt working
electrode was cycled 200 times between 0.06 and 1.65 V vs. RHE in 0.1 M H,SO,
(Merck, Suprapur, 96%) at 1 V s7, yielding a reproducible blank voltammogram.
Measurements were performed in 50 ml of 0.1 M Cs,SO, (Alfa Aesar, Puratronic™,
99.997%, metals basis) while constantly saturating the electrolyte with CO. To
change the OH~ concentration, appropriate amounts of KOH (Alfa Aesar, 99.99%,
metals basis) were added and the pH of the CO saturated solution was
determined using a glass-electrode pH meter (Lab 855, SI Analytics) calibrated
with standard buffer solutions (Radiometer Analytical).

B.4 Characterization of the ultramicroelectrodes

Characterization of the platinum and gold ultramicroelectrodes (UMEs) was
performed before the SECM experiments. The blank voltammetry can be seen in
Fig. B.1 below, together with the voltammetry of the outer sphere reaction Fe(CN)s>~/
Fe(CN)s*. The diffusion limiting currents from Fig. B.lb and d were used to
calculate the radius of the platinum and gold UMEs, respectively, using Eq. B.1:

Tyme = Uim/4nFDc Eq.B.1

where 1/, is the diffusion limited current in A, n is the number of electrons
transferred, Fis the Faraday constant in s A mol?, Dis the diffusion coefficient of
Fe(CN)g3" in cm? st and cis the concentration in mol cm™3.

B.5 Capacitive approach

The tip-to-surface distance was determined by performing a capacitive
approach?# in air before all SECM measurements as described in Appendix A. The
absolute surface position is determined by fitting the approach curve with Eq. B.2.
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Fig. B.1. Blank voltammetry of a) the Pt-UME and c) the Au-UME taken in 0.1 M H,SO, at
200 mV s1. Voltammetry of the outer sphere reaction recorded in argon saturated KzFe(CN)6®
+ 0.1 M KCl at 10 mV s’ with the b) Pt-UME and d) Au-UME.

Cr(Z) = ~Ay = In(dy—2) + B + (2 —) Eq. B2

Lpa,+d0—Z

The approach curves measured before the different SECM experiments from
Chapter 5 can be seen in Fig. B.2 together with their fit. Fig. B.2a and b show the
approach curve for the experiments performed with the Pt-UME, changing sample
potential and changing scan rate, respectively. Fig. B.2c displays the approach
curve performed with the functionalized Au-UME for the pH measurements.
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Fig. B.2. Approach curves recorded before the different SECM experiments: a) Pt-UME in
SG-TC mode with potential steps applied to the sample; b) Pt-UME in SG-TC mode constant
potential applied to the sample, changing the scan rate of the tip voltammetry; ¢) pH
measurements with the functionalized Au-UME.

B.6 CO oxidation measurements with the Pt-UME

During the experiments, the Pt-UME voltammetry was recorded (shown in
the manuscript) while the gold sample potential was varied. The
chronoamperometry data recorded at the gold sample can be seen in Fig. B.3.

B.7 pH measurements with the functionalized Au-UME

pH measurements were performed by turning CO, reduction "on" and
"off" at the gold sample and simultaneously recording the functionalized Au-
UME voltammetry. The CO, reduction reaction was carried out at sample potentials
from —0.5 to -1.0 V vs. RHE, in 50 mV steps. Fig. B.4 shows the results, where each
data point corresponds to the value extracted from one tip cyclic voltammogram.
The pH values displayed in Fig. 5.4 in the main text, correspond to the average of
three pH values recorded in 15 seconds. The three data points chosen are the ones
acquired at the same time scale the Pt-UME CVs shown in Fig. 5.2 were recorded,
after each sample potential step.

B.8 RDE measurements
Before the RDE experiments, the platinum disc electrode was characterized
in 0.1 M H,SO4 and the blank voltammetry can be found in Fig. B.5.
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Fig. B.3. Chronoamperometry recorded at the gold sample during CO; reduction in 0.1 M
Cs2S04, pH = 3.
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Fig. B.4. pH measured with the Au-UME when the sample potential was varied from -0.5 to
-1V vs. RHE in 50 mV steps.
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Fig. B.5. Blank voltammetry of the platinum disc taken at 50 mV s in argon saturated 0.1 M
H>SOs4.

The voltammetry of bulk CO electrooxidation on the platinum RDE was
recorded at different rotation rates (100, 400 and 900 rpm) in pure Cs,SO,
electrolyte and with the addition of different amounts of KOH. The results can be
seen in Fig. B.6, and the diffusion limiting currents from peak I and peak II
obtained for each electrolyte were used to derive the diffusion coefficients shown
in Chapter 5.

B.9 CO, reduction products

To exclude that methanol formation at the gold sample is what gives rise to
peak Il observed in the Pt-UME voltammetry, we performed product analysis in the
same electrolyte used in this work (0.1 M Cs,SO,, pH 3) using gas chromatography
(GC) and high-pressure liquid chromatography (HPLC). We used a two-
compartment electrochemical cell and liquid and gas samples were taken during
electrolysis every 20 minutes. As it can be seen in Fig. B.7, only CO and hydrogen
were detected by GC and no liquid products were detected by HPLC.
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Fig. B.6. CO oxidation voltammetry take at different rotation rates in a) Cs,SO4 and with
the addition of b) 0.03 mM, ¢) 0.06 mM, and d) 1 mM KOH.
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Fig. B.7. Faradaic efficiency for CO; reduction on a flat gold electrode, carried out in 0.1 M
Cs2S04, pH = 3.
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Appendix C

C.1 Methods
C.1.1 Materials

All glassware used was cleaned by immersion in a potassium permanganate
solution overnight (1 g/L KMnQ, dissolved in 0.5 M H,SO,), followed by immersion
in dilute piranha. The glassware was further boiled in ultrapure water at least five
times. The electrolytes used in this work, KH,PO, (Alfa Aesar, dried, 99.99 %) and
K;SO,4 (Alfa Aesar, Puratronic, 99.997 %, metals basis), were adjusted to pH 3-5 by
addition of appropriate amounts of H,SO, (Merck, Suprapur, 96%) or HsPO, (ortho-
Phosphoric acid 85%, Suprapur®, Merck).

C.1.2 pH sensor fabrication and characterization

A gold ring electrode (E6R1PK tip, Pine Research Instrumentation) was used
in this work, together with a gold disc (diameter = 5 mm, Pine Research
Instrumentation). Prior to experiments, the ring and the disc (Pine Research
Instrumentation) were polished with a polycrystalline diamond suspension of 0.25
pum (MetaDi, Buehler) and then sonicated (Bandelin Sonorex RK 52H) in ultrapure
water (>18.2 MQ cm, Millipore Milli-Q) for 10 minutes.! Before functionalization of
the ring with the pH sensing monolayer, the ring and disc were characterized by
recording the blank voltammetry between 0.1 and 1.75 V vs. RHE in argon saturated
(6.0 purity, Linde) 0.1 M H,SO,4 (Merck, Suprapur, 96%) in a one compartment
electrochemical cell. A gold wire (0.5 mm diameter, MaTeck, 99.9%) was used as
counter electrode and a reversible hydrogen electrode (RHE) as reference. The
electrochemically active surface area (ECSA) of the disc was calculated based on the
charge corresponding to the gold oxide reduction and a surface charge of 386 uC
cm=2 The gold ring electrode is modified by immersing it (without the disc
inserted) into a 1 mM solution of 4-NTP (Merck, 80%) in ethanol for 15 minutes.
The ring is then thoroughly rinsed with ethanol and water, and dried. The disc
electrode is carefully inserted in the shaft, avoiding too much friction (which could
damage the 4-NTP monolayer). The 4-NTP is then electrochemically reduced to 4-
HATP in the working electrolyte (pH = 4) by cycling the ring from 0.3 to -0.43 V vs.
Ag/AgCl (argon saturated, 100 mV s?). It is important to point out that the
monolayer can be easily removed from the gold ring by polishing it with a
polycrystalline diamond suspension of 0.25 um. This can be done whenever
necessary i.e. when the 4-HATP/4-NSTP signal is for some reason compromised. A
decrease in signal can be caused e.g., by bubbles and loss of potential control
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during measurements. Considering how simple and fast the pH sensor synthesis is,
it is advised to always have a fresh monolayer adsorbed onto the surface at the start
of new experiments.

C.1.3 RRDE pH measurements

All electrochemical measurements were carried out using a Biologic 2-
channel potentiostat/galvanostat/EIS (SP-300). The ring and disc electrodes were
controlled simultaneously, by two different potentiostat channels. Two gold wires
(0.5 mm diameter, MaTeck, 99.9%) were used as counter electrodes and a Ag/AgCl
(low profile, BioLogic) as reference. Argon (6.0 purity, Linde) was purged through
the solution for 20 minutes prior to the experiments. The argon flow was kept also
during the experiments in order to avoid oxygen diffusing into the electrolyte. The
ring cyclic voltammetry (CV) was constantly recorded at 200 mV s~ while hydrogen
evolution took place at the disc.

C.2 Calculation of the interfacial disc pH

The mid-peak potential (Epea) of the 4-HATP oxidation to 4-NSTP was
determined by fitting the forward scans with a Gaussian function containing a linear
background (see details in Chapter 3 and Appendix A). Egeac Was then converted to
the ring pH (pH/ing) using the calibration curve of the 4-HATP/4-NSTP from our
previous work: pHying = (0.341 — Ejea)/0.057 (Chapter 3).2 To calculate the interfacial
disc pH (pHaisc), for an unbuffered electrolyte, we use Eq. C.2, from Yokoyama et al.4,
which is an extension of the analytical solution of Albery and Calvo®® (Eq. C.1),
taking the autoprotolysis of water (Eq. C.3) into account.

Cr = Coo + Np(Cq — Coo) Eq. C1

Crut = CroH— = ND(Cd,H+ - Cd,OH‘) +(1- ND)(Coo,H+ - Coo,OH‘) Eq. C.2

Ky = Crop+Creon- Eqg. C3

where c- represents the proton or OH™ concentration in the bulk and ¢4 and c, the
same at the disc and ring, respectively. The detection efficiency Np is given by Eq.
C.4 and C.5 and is only dependent on the geometrical parameters of the ring and
disc electrode (see Fig. C.1). For the electrode used in this work Np = 0.23.

Np=1-1F [(%)3 - 1] -2F [(%)3 - 1] —2F [(%)3 - 1] Eq. C4
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where Ax] is:
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Fig. C.1. Schematic representation of the rotating ring-disc electrode with the geometrical
parameters from Eq. C.4 indicated.

Fig. C.2 shows the theoretical relationships between pHpi,c and pHging at
various pH~, comparing Eq. C.2 (Yokoyama) and Eq. C.1 (Albery and Calvo) for an
unbuffered electrolyte. It can be observed that not taking the autoprotolysis of
water into account can lead to over/underestimating the disc pH, depending on the
bulk pH. Eq. C.2 is rewritten as follows and used to convert pHiing to pHgis for
unbuffered electrolytes:

CrHt ~ STt OH”  Coopt ™ Coo,0H™
Np Np

pHdiSk = - log ( + COO,H+ - COO,OH_) Eq C6

For buffered systems, as the phosphate electrolyte used in this work, a
correction must be applied to Eq. C.6, to consider the homogeneous reactions
taking place involving the phosphate species. In this case, the OH™ concentration is
given by Eq. C.7 and is applied to Eq. C.8 to obtain the interfacial disc pH.

C'OH_ = COH_ + [H2P04T] +2 [HPOE_] +3 [POE_ Eq C7
cron=—Co
D ¢ on-—cl a
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The following equilibrium constants and equations were used to calculate
the concentration of phosphate species’:

HyPO, = HyPO; + H* Koy = 7.5x 1072 Eq. C.9
H,PO; = HPOZ + H* K, = 6.2 x 1078 Eq. C.10
HP04__ = P04__ + H+ Ka3 =214 % 10_13 Eq Cll

The total concentration of species is given by 7C and the concentration of
each species to be used in Eq. C.7 is determined based on Eq. C.12-C.16:

TC = [H3PO,] + [H,PO; ] + [HPO2™] + [PO3™] Eq. C.12

_ TC[H*]?
[H*13+Ka1[H*]?+Ka1Ka2[HY|+Ka1Kaz2Ka3

[H3PO0,]

Eq. C.13

_ TCKgq[H')?
[HY13+Ka1[H*]2+Kq1Ka2[H ] +Ka1Ka2Kas3

[H,PO; ] Eq. C.14

[HPO}] = 1K1 K 1] Eq. C.15

[HY13+Ka1[H*]2+Kq1Ka2[H 1+Ka1Ka2Kas3

[PO37] = St e Eq. C.16

[H*13+Ka1[HT)?+Kq1Ka2[HT]+Ka1Kaz2Kas

Finally, expanding Eq. C.7 and C.8, the relationship between pH;i,q and pHgisc
for a phosphate buffered electrolyte is given by Eq. C.17:

cr, on=+[H2P0; 1r+2 [HPOF 17+3 [PO3 7]~ oo, on=—[H2P03 loo- 2 [HPOZ ] - 3 [POF 7]
ca, on-+[H2P031q+2 [HPOZ™1q+3 [PO3™] ;= Coo, o= —[H2P03 100=2 [HPOZ ™| =3 [PO3 7],

Eq. C.17

ND=

o

A quartic equation can be derived from Eq. C.7-C.17, where 4, b, ¢ d, and e
are parameters of C, oy-, and x stands for C ;;+.

ax*+bx®+cx?+dx+e=0 Eq. C.18
Solving the equation, four roots can be obtained and the nature of which can

be inferred from the sign of the discriminants A, P and D. In our cases, all the roots
are real and distinct roots since the A>0, P<0 and D<0.
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A = 256a3e® — 192a”bde? — 128a?c?e? + 144a%cd?e — 27a%d* + 144ab?ce? —
6ab?d*e — 80abc?de + 18abcd? + 16ac*e — 4ac3d? — 27b*e? + 18b3cde —

4b3d® — 4b?c3e + b%c?d? Eq. C.19
P = 8ac — 3b? Eq. C.20
D = 64a’e — 16a*c? + 16ab?c — 16a’bd — 3b* Eg. C.21
So that
—_b_ ¢4 /_ 2 _ a
Xip =~ S+ 3 4S% —2p + 5 Eq. C.22
b 1
Xaq=—-+St- /—452—2p—§ Eq. C.23
where
__ 8ac—3b?
== Eq.C.24
b3-4abc+8a?d
q=—""— Eq. C.25
=_1]_2,,2 2
S = z\j 3p+3a\/A_0cos3 Eq. C.26
— -1 b1
@ = cos Eqg. C.27
2 [A3
with:
Ay = ¢? —3bd + 12ae Eq. C.28
Ay = 2¢® — 9bcd + 27b%e + 27ad? — 72ace Eq. C.29

The Eq. C.22 and C.23 are solved and C; ,+ can be determined out of the four
solutions by limiting x (C,u+) to be positive and relatively smaller than the
corresponding C, y+. The theoretical relationship that can be obtained using this
description between the interfacial ring (pH:ing) and disc (pHgisc) pH for phosphate
buffered solutions of different bulk pH is shown in Fig. C.2c.
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Fig. C.2. Theoretical relationship between pHing and pHais« for different bulk pH (pH=) using
a) the analytical equation reported by Albery and Calvo® and b) the extended theory,
reported by Yokoyama et al.# (both for unbuffered systems), and c) the correction presented
in this work for a phosphate buffered electrolyte.
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C.3 RRDE pH measurements additional data
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Fig. C.3. a) Blank voltammetry of the ring (black) and disc (red) electrodes taken in 0.1 M
H2SO4 at 50 mV s . b) cyclic voltammetry of the 4-NTP to 4-HATP conversion in 0.1 M
KH2PO4 (black, 100 mV s1) and 0.1 M H,SO4 (blue), together with a characterization of the 4-
HATP/4-NSTP redox couple (red, 200 mV s!) in phosphate.
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Fig. C.4. Chronoamperometry from pH measurements at different potentials in 0.1 M argon
saturated a) KH,PO4 pHpuk = 4.4 and b) K;SO4 pHpuik = 3.6 at 1600 rpm.
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Fig. C.5. Chronopotentiometry from pH measurements in 0.1 M argon saturated a) KH,PO4
pHeouik = 4.4 and b) K2SO4 pHpui = 4.0 at different rotations (500, 750, 1000, 1250, 1500, 1750,
2000, 2600 rpm).
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Fig. C.6. Mid-peak potential extracted from the 4-HATP/4-NSTP voltammetry for the
experiment in 0.1 M argon saturated a) KH,PO4 pHpuik = 4.4 and b) K;SO4 pHpuik = 4.0 at
different rotations (500, 750, 1000, 1250, 1500, 1750, 2000, 2600 rpm).
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D.1. Methods

Gold disc electrodes of 5 mm in diameter were cut from a polycrystalline gold
foil (0.5 mm thick, MaTecK, 99.995%) and prepared by first grinding with a silicon
carbide paper (grit size 600, MaTecK) to level and clean the sample, so that a mirror-
like surface can be obtained by polishing for the shortest possible time.
Subsequently, the electrodes were polished on a microcloth (Buehler) with either
diamond suspension (MetaDi 3, 1, 0.25 and 0.05 um, Buehler) or alumina (3, 1, 0.3
and 0.05 um, Buehler) for 1 minute with each size. In between polishing steps, the
electrodes were cleaned in an ultrasonic bath (Bandelin SONOREX RK 52 H) in
ultrapure (>18.2 MQ cm, Millipore Milli-Q) water for 3 minutes. After the last step,
the electrodes were sonicated in ethanol for 3 minutes. and subsequently in
ultrapure water for 10 minutes. Different commonly reported gold pre-treatments
were also performed: chemical etching in 0.1 M H,SO4 (Merck, Suprapur, 96%) by
applying a potential of 10 V vs. a graphite counter electrode for 20 seconds and
removing the gold oxide layer formed by dipping the electrode in 6 M HCI (Merck,
EMSURE® ACS, 37%); electrochemical roughening by cycling the electrode 200
times between 0 and 1.75 V vs. RHE (0.1 M H,SO,, 1 V sY); flame annealing the
electrode until it glows and then three subsequent times for 5 seconds using a
butane torch held about 1 cm away from the surface. In this study, polishing and
(subsequent) flame annealing were performed before each experiment.

All glassware was stored in potassium permanganate solution (1 g L'* KMnO,
dissolved in 0.5 M H,SO,) and cleaned prior to each experiment by immersion in
dilute piranha in order to remove residues of manganese oxide and permanganate
anions. After, the glassware was further cleaned by boiling at least five times in
ultrapure water. The electrochemical experiments were performed in a one-
compartment cell (Duran, 25 ml) with the gold working electrode in the hanging
meniscus configuration. Measurements were carried out using a Bio-Logic
potentiostat/galvanostat/EIS (SP-300). A gold wire (0.8 mm thick, Mateck, 99.9%)
was used as counter electrode and a reversible hydrogen electrode (RHE) as
reference. The gold electrodes were characterized before each experiment by
recording a cyclic voltammogram between 0 and 1.75 V vs. RHE (0.1 M H,SO,, 0.05 V
s1). The gold electrochemical surface area (ECSA) was determined by calculating the
charge corresponding to the gold oxide reduction. The obtained value was
normalized to the charge density associated with the reduction of a monolayer of
gold oxide (386 uC cm™).! Hydrogen evolution reaction was carried out in 0.1 M
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Li,SO4 (Alfa Aesar, anhydrous, 99.99% (metal basis)), unless stated otherwise.
Lithium is the alkaline earth cation that promotes HER on gold the least and
therefore was chosen for these studies.? The solution was brought to pH = 3 by the
addition of adequate amounts of H,SO,. The electrolyte was always purged from
oxygen by bubbling argon (Linde, 6.0 purity) for 5 minutes prior to the experiments.
During the experiments, an argon flow was kept above the electrolyte, to avoid
oxygen diffusion into the solution. Appropriate amounts of a 0.01 M Aly(SO,);
(Acros Organics, 99.999%, trace metal basis) solution were added to the electrolyte
in order to perform experiments in the presence of different concentrations of AI**.
The dissolution kinetics of Al;(SO,)3 is very slow, therefore the solution was stirred
for 48 h at 60 °C until the salt fully dissolved. The 0.01 M Al,(SO,); solution pH is
2.7 (due to the cation acidity) and adding it to the background electrolyte (0.1 M
Li,SO,4) did not lead to changes in the pH. Before each HER experiment, the solution
resistance was determined by Electrochemical Impedance Spectroscopy (EIS) and
the electrode potential was compensated for 85% of the ohmic drop. All the
voltammograms in this work show the first cycle recorded, unless stated otherwise.

The gold electrode topography and composition were characterized by
Scanning Electron Microscopy (SEM) in an Apreo SEM (ThermoFisher Scientific).
Micrographs were obtained using an acceleration voltage of 10 kV and an electron
beam current of 0.4 nA. Energy Dispersive X-Ray Spectrometry (EDX) was used for
elemental analysis (Oxford Instruments X-MaxN 150 Silicon Drift detector). EDX data
processing was done with the Pathfinder™ X-ray Microanalysis software v1.3. The
data is displayed in atomic percentage for easier visualization however the
quantification was performed in automatic mode (without providing external
standards).

D.2. Micrographs of polished gold electrodes

This section contains additional scanning electron (SEM) micrographs of the
gold electrodes after polishing with diamond or alumina and flame annealing three
times using a butane torch. As can be seen in Fig. D.1a, polishing with diamond
leads to a clean electrode, with a few large contaminating diamond particles on the
surface. Opposite, polishing with alumina (Fig. D.1b) leads to contaminating
alumina particles of various sizes (from 100 nm to 3 ym) distributed over the whole
surface. Higher magnification images also show the presence of small corrosion pits
from polishing, and carbonaceous deposits due to flame annealing.
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Fig. D.1. SEM micrographs of gold polished with a) diamond or b) alumina and flame
annealed.

D.3. Gold surface preparation

This section contains additional SEM micrographs of the gold electrodes after
polishing with diamond and applying different surface preparation methods for
gold electrodes. Diamond was chosen here as polishing media, because the alumina
particles are detrimental to the proper visualization of the surface topography. Only
polishing (Fig. D.2a) leads to a surface that contains scratches and pits of different
sizes. During our studies we observed that the gold voltammetry of electrodes that
are only polished is not very reproducible. Polishing followed by flame annealing, on
the other hand, smoothens the surface and brings it to its most stable state,
where defined grains and grain boundaries are observed (Fig. D.2b). The flame
annealing procedure reported in this work (1x until glowing + 3x for 5 seconds at 1
c¢m distance of the electrode), when systematically performed, leads to a very clean
and reproducible surface (see the cyclic voltammograms displayed in the following
section). It is important to notice that the quality of the flame annealed surface is
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directly related to the quality of the mechanical polishing procedure. Chemically
etching the gold electrode after polishing (Fig. D.2c), leads to partial removal of
polishing contaminants by the removal of gold layers. To remove enough gold
layers, etching has to be performed for long enough periods, although this
significantly increases the surface roughness. If a smooth, reproducible, and highly
crystalline surface is desired, prolonged chemical etching is therefore not
recommended. Roughening the polished electrode by repeated cycling at high scan
rate, leads to the formation of nanoparticles that are more homogeneously
distributed in the polished (Fig. D.2d) than in the polished and flame annealed
electrode (Fig. D.2e). The reactivity of nanoparticles is different than of flat surfaces,
and not much is known about their stability during electrochemical experiments.
Based on this evaluation, we concluded that polishing with diamond and flame
annealing gold (following a strict protocol) is the best way to obtain a clean and
reproducible surface for fundamental cyclic voltammetry studies.
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Fig. D.2. SEM micrographs of gold electrodes a) polished with diamond and additionally b)
flame annealed 1x until glowing and subsequently 3x for 5 s, €) chemically etched in 0.1 M
H,SO4 at 10 V vs. OCP for 20 seconds, d) electropolished by 200 cycles from 0 to 1.75 V vs.
RHE in 0.1 M H3SO4 at 1 V s, e) flame annealed and electropolished.
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D.4. Surface characterization after hydrogen evolution

The topography and composition of the gold electrodes polished with
diamond (Fig. D.3a) or alumina (Fig. D.3b) was evaluated after the hydrogen
evolution reaction. Fig. D.3 shows that for both cases the contaminating particles
remain on the surface after the reaction is carried out. In addition, by comparison
with the EDX spectra obtained before the experiments (see Chapter 7), the surface
composition remains unchanged. No sulphur is detected by EDX, even though HER
was performed in a sulphate containing electrolyte.

a) b)

x
. 60
540_
< 20]
e S Y
0 05 10 15 20 25 30 0 05 10 15 20 25
Distance / um Distance / um

Fig. D.3. SEM micrographs and EDX line spectra of the gold electrodes polished with a)
diamond or b) alumina after hydrogen evolution. The lines refer to the following signals: (— )
CK (—)OK, () AIK (—)AuMand () SK.
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D.5. HER in the presence of different AI** concentrations

Experiments adding micro molars of AI** to the background electrolyte were
carried out in order to confirm that the enhancement in HER activity by the presence
of alumina particles is actually due to the release of AI** cations in the electrolyte.
Before each experiment, gold electrodes were polished with diamond, flame
annealed and characterized. The resulting cyclic voltammograms (CVs) from Fig. D.4
show that the preparation method chosen leads to a reproducible surface, which is
very important when performing voltammetry studies. The electrode was also
characterized after the HER experiments. The CV of gold before and after HER is
shown in Fig. D.5a and no significant changes are observed in the blank
voltammetry. SEM characterization, on the other hand, shows that deposits form on
the surface during HER, in the form of flakes. The micrograph shown in Fig. D.5b
displays how these deposits are homogeneously distributed throughout the
surface. An image at higher magnification and EDX line spectra are presented in
Chapter 7. The elemental composition found by EDX together with the speciation
diagram from Fig. D.6a indicate that these flakes are Al(OH)s. The deposition can
happen, as during hydrogen evolution the local pH is more alkaline than the bulk.

006 T T T T T T T T T T T T T T T T T
004] F—e———— ]
0.02 ] t 16x ]
0] S— — ]
0.02 ] ]
T 0.04] ]
= ] ]
= -0.06—- —0 P-M —-
008] ——25uM ]
.010] — 1M A
] ——250uMm ]
0124 500 .M 1

014

0 02 04 06 08 10 12 14 16 18

E/Vvs. RHE
Fig. D.4. Cyclic voltammogram of gold electrodes polished with diamond paste taken at a
scan rate of 50 mV st in 0.1 M H,SO4 before the AI3* addition experiments.
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Fig. D.5. a) Comparison of the cyclic voltammogram of gold before and after the HER
experiment with 500 uM Al>(SO.); added to the electrolyte. CV taken at a scan rate of 50 mV
s1in 0.1 M H,SO4. b) SEM micrograph after HER.

D.6. Speciation of AI** and aluminium hydroxide deposition

A speciation diagram of AI** was constructed with the Hydra-Medusa
software?, in order to support that the flakes found on the surface after HER in the
presence of AP* are Al(OH);. The diagram can be seen in Fig. D.6a, where the molar
fraction of aluminium containing species present in the electrolyte is shown as a
function of pH. Even though the diagram is plotted as a function of the aluminium
containing species, the real concentrations and solubility products of all the
different ionic species present in the working electrolyte (H*, OH-, H;0*, SO,%, Li*,
and AI**) are taken into account for the calculations. It can be seen that below pH
3.7, aluminium is octahedrally coordinated by water molecules (as Al**) or
complexed with SO,%. At higher OH- concentrations, starting at pH 4.2, the number
of OH~bound to each AI** increases and polymerization of the octahedrons starts
to take place through sharing of edge atoms. Above pH 5.2, the polymerization
process leads to the formation of planar Al(OH); sheets, where each aluminium ion
shares 3 pairs of OH- with 3 other aluminium ions.* See the top and side view of the
Al(OH);3 sheets structure in Fig. D.6b. Experiments in 0.01 M Al;(SO,); electrolyte
were performed in order to confirm that aluminium cations deposit on the gold
electrode surface due to an increase in local pH during HER. Below, additional SEM
images of the layer formed and an EDX line scan are presented. Fig. D.7a shows that
Al(OH); plates are formed during HER, with a spacing of 1-3 ym in between them.
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Fig. D.6. a) Speciation diagram of AI** in the experimental conditions used in this work (HER
in 0.1 M LizSO4 + 500 uM Al»(SOa)3). This diagram was constructed with the software Hydra-
Medusa and is presented as provided. b) Molecular structure of AI(OH); sheets. Figure
adapted from reference.”
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Fig. D.7. SEM micrographs characterizing a) the aluminium hydroxide layer deposited on
gold, b) the region in between the aluminium hydroxide sheets, ¢) and d) EDX line spectra
determining the composition in the region between the hydroxide sheets. The lines refer to
the following signals: (=) CK, (=) OK, (=) Al K, (=) AuM and () SK.
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Table D.1. Layer composition measured by EDX in 3 different spots of the Au-
Al(OH); modified electrode.

Atomic %

C @) Al Au S
1 1 74.89 12.07 6.13 5.04
2 0 75.86 12.89 4.26 5.46
3 0 76.26 1291 5.06 5.57
0.06 .

T T T T
Before HER in AIZ(SOA)3
0.03 4 —— After HER in AL(SO,),

1 - - - AfterHERin Li2504

04
< 1 [ s oo ]
£ -003{ =" ]
= 1 E .
-0.06 4 "'
-0.09 4
-0.12 4
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0 0.3 0.6 0.9 12 15 1.8

E/Vvs. RHE

Fig. D.8. Cyclic voltammogram of gold in 0.1 M H,SOs taken at a scan rate of 50 mV s!
before and after HER experiment in 0.01 M Al(SOa)s.

The EDX line scan (Fig. D.7d) from the region showed in Fig. D.7c, demonstrates
that the gold is not fully exposed in the region in between the plates, and a thin
layer containing Al and O can be found. The thickness of this layer is probably
only a few nanometres, as the EDX line scan going through the 128 + 14 nm thick
plate, shows a much lower Au signal. The fact that no sulphur is found in this
region (but it is present in the plates) also suggests that this is a thin initiation
layer, instead of the highly crystalline hydroxide sheets intercalated with sulphate
anions. In order to assure the composition of the surface deposits, EDX scans
were also performed in 3 different spots of the sample. Table D.1 shows that
the layer composition is nearly the same for the 3 different measurements,
which is expected considering the high crystallinity of the Al(OH); sheets.

Fig. D.8 shows the CVs of the gold electrodes before HER in 0.01 M Al(SO,)3
(black), directly after HER with the Al(OH); sheets on the surface (blue) and after
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this Au-Al(OH); modified electrode was used for HER in 0.1 M Li,SO, (red dotted
line). Surprisingly, the gold CV remains nearly unchanged, with only a small
decrease in the gold oxidation and reduction peaks when the hydroxide sheets are
present on the surface. This indicates that the deposited layer is highly porous and
does not hinder access of the electrolyte to the gold.

D.7. Removal of alumina from the surface

Prolonged etching after polishing the electrode with alumina was performed
(2x 60 seconds), as an attempt to fully remove the alumina particles of the surface.
The sample was subsequently flame annealed. SEM micrographs from Fig. D.9b
show that prolonged etching does not lead to full removal of the alumina particles.
Fig. D.9a shows the comparison of the HER curves obtained for the gold electrode
polished with diamond, alumina, and alumina with subsequent prolonged etching.
Results show that 2 minutes are not enough to fully remove the particles and that
their corrosion still leads to larger HER currents than obtained on gold polished
with diamond. It is important to point out that the time scale of these experiments
is very short, and certainly in longer experiments, an increasing amount of Al3*
cations will be present in the electrolyte and this effect will be even more
pronounced.

a) O
-0.2

€ -044

-

~ -0.6 4
08 Diam'ond ]

===~ Alumina

T Alumina etched 2 x 60 s

10 -08 06 04 -02 0

E/Vvs. RHE
Fig. D.9. a) Cyclic voltammogram of HER on gold electrodes polished with alumina (with and
without 2 etching cycles of 1 min) and polished with diamond in argon saturated 0.1 M Li,SO4

taken at a scan rate of 50 mV s (pH = 3) and b) SEM micrographs after etching.
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Appendix E

E.1. Methods

E.1.1 Cyclic voltammetry experiments

CO; reduction measurements were performed in a three-electrode glass cell
in which the reference was a reversible hydrogen electrode (RHE) separated from
the work compartment by a Luggin capillary and the counter electrode was a gold
wire (0.8 mm thick, Mateck, 99.9%). Polycrystalline gold (0.5 mm thick, MaTecK,
99.995%) discs of 5 mm in diameter were used as working electrode in the hanging
meniscus configuration. The surface was first prepared using the procedure
reported in Chapter 7.1 After each flame annealing, the electrode was characterized
by cyclic voltammetry in 0.1 M H,SO4 (Merck, Suprapur, 96%). The electrochemical
surface area (ECSA) was determined using the charge corresponding to the gold
oxide reduction peak. The charge was converted to surface area using the charge
density associated with the reduction of a monolayer of gold oxide (386 uC cm).2
Prior to the experiments, the glassware was stored in potassium permanganate
solution (1 g L KMnO, dissolved in 0.5 M H,SO,), and afterwards cleaned by
immersion in dilute piranha and boiled at least five times in ultrapure water.
Measurements were performed in 50 ml of electrolyte, using a Bio-Logic
potentiostat/galvanostat/EIS (SP-300). The experiments in the absence of metal
cations were performed in 1 mM H,SO, (Merck, Suprapur, 96%). Other
measurements were performed using different high purity sulfate electrolytes: 1
mM Li,SO, (Alfa Aesar, anhydrous, 99.99%, metal basis), 1 mM Na,SO, (Alfa Aesar,
Puratronic™, 99.9955%, metals basis), 1 mM K,SO, (Alfa Aesar, Puratronic™,
99.997%, metals basis) and 1 mM Cs,SO, (Alfa Aesar, Puratronic™, 99.997%, metals
basis). During the measurements the electrolyte was constantly purged with argon
or CO; and the pH was always adjusted to 3 using H,SO,. The solution resistance
was determined by performing Potentiometric Electrochemical Impedance
Spectroscopy (PEIS) prior to every measurement and the electrode potential was
always automatically compensated for 85% of the ohmic drop.

E.1.2 SECM measurements

The SECM measurements were performed in our home-built SECM setup,
previously described in Chapter 3.2 The SECM cell cleaning and all equipment used
are the same as previously reported.> The SECM samples were prepared and
characterized prior to every measurement. The polycrystalline gold, silver and
copper samples were mechanically polished exactly like described for the gold disc
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used in the hanging meniscus experiments. The copper sample was further
electropolished in 66% H3PO, at 3 V vs. a Cu counter electrode for 10 seconds. The
SECM gold sample was characterized by cyclic voltammetry in 0.1 M H,SO, (Merck,
Suprapur, 96%). The silver sample was characterized by thallium under potential
deposition (UPD) carried out in a mixture of 0.1 M Tl,SO, (ACROS Organics™, 99.9%,
trace metal basis) + 0.1 M H,SO4 (Merck, Suprapur, 96%) + 0.5 M Na,SO, (Alfa Aesar,
Puratronic™, 99.9955%, metals basis). The copper sample was characterized by cyclic
voltammetry in 0.1 M NaOH (Merck, EMPLURA®, 32%). All electrolytes were purged
with argon prior to the characterization. For both the characterization and SECM
measurements a gold wire was used as counter electrode when using the gold
sample, and a platinum wire used for the silver and copper electrodes. A platinum
ultramicroelectrode (Pt-UME) was fabricated by etching and sealing a platinum wire
(50 um diameter, Goodfellow, 99.99%) into a soda lime glass capillary using a butane
torch. The detailed procedure is reported elsewhere* The Pt-UME was polished
before every set of SECM measurements and further cleaned by cycling 200 times
between 0.06 and 1.60 V vs. RHE in 0.1 M H,SO4 at 1 V s7%, always resulting in a
reproducible blank voltammogram. The Pt-UME used in this work has a radius of
approximately 6.4 + 0.05 um determined using the Fe(CN)s>/Fe(CN)s* outer sphere
reaction. Before the measurements the tip-to-surface distance was determined using
a capacitive approach performed in air. The details can be found in Chapter 3.3 All
SECM measurements were performed with the Pt-UME at a fixed distance (50 *
2um) from the surface. A 2—channel Bio-Logic potentiostat/galvanostat/EIS (SP-300)
was used to control the sample and the tip individually. Chronoamperometry was
performed at the sample for 10 seconds and subsequently the tip cyclic voltammetry
was recorded at 200 mV s. During the experiments, the electrolyte was constantly
purged with CO, or argon and an argon flow was kept above the solution to avoid
oxygen diffusing into the solution. The electrolyte used was 1 mM H,SO, (pH = 3)
with the addition of 140 uM Cs,SO, when necessary (Alfa Aesar, Puratronic™,
99.997%, metals basis).

E.1.3 Density Functional Theory parameters

Density Functional Theory (DFT) simulations were performed with the VASP
code.>® We choose the PBE density functional” including dispersion through the
DFT-D2 method,®® with our reparametrized Cs coefficients.’? Inner electrons were
represented by PAW pseudopotentialst*'? and the monoelectronic states for the
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valence electrons were expanded as plane waves with a kinetic energy cutoff of 450
eVv.

E.1.4 Computational model

Polycrystalline Au was modeled by a 3V3x3v3-R30° Au(111) (4 layers, 15.3 A
x 153 A x 30.0 A, 8 A vacuum thickness), which was geometrically optimized (2
outermost layers relaxed, bulk fixed). The Brillouin zone was sampled at the r—point.
Since Pt and Au have similar lattice constants, we inherited the solvent configuration
(72 H,0 molecules, 15 A thick) optimized by AIMD for 11 ps at 300 K from our
previous study regarding water-metal interface for 3vY3x3v3-R30° Pt(111).1* We
inserted the pre-equilibrated water molecules on top of the Au surface and we
carried out AIMD simulations for a total of 6 ps (1 ps of equilibration + 5 production,
1 fs time step), in a canonical NVT ensemble at 300 K regulated by a Nosé-Hoover
thermostat.’*6 First, we optimized the hydrogen bond network between the water
molecules for 2 ps on the Au-H,0 system (Fig. E.8). Then, we inserted an alkali metal
cation M* (Li*, Na*, K*, Cs*) in a cavity of the first solvation layer close to the surface,
whilst we removed a hydrogen from a water molecule in the fourth water bilayer to
keep charge balance. The cation coverage was set to 0.04 ML (1/27), which
corresponded to a surface concentration of 0.5-0.8 M. The resulting four systems
were named Au-H,O-M" and underwent AIMD for 2 additional ps. Finally, we added
a CO, (0.04 ML, 1/27) to the Au-H,O and 4 Au-H,O-M* proximal to the catalytic
surface and the cation. The resulting 4 Au-H,0-M*-CO, and 1 Au-H,0-CO, systems
underwent AIMD for 2ps and 1 ps, respectively, and were used to investigate the
activation of CO, in the presence and absence of an alkali cation (Fig. E.8). As the
cation, CO,, and the explicit water molecules were placed only on one side of the
slab, we applied a dipole correction to remove spurious contributions arising from
the asymmetric slab model.*’

E.1.5 Data analysis

Cation-water radial distribution functions were obtained for the 2 ps
equilibration of the Au-H,O-M" systems. From these parameters, we determined
the cation coordination number to water or CO, oxygens. Finally, the CO, binding
energy at U = 0.0 V vs. RHE in the presence and absence of a cation was averaged
from static DFT single point calculations from AIMD configurations taken every 20
fs during the last 0.5 ps with standard deviation taken as uncertainty. Gibbs free
energies were calculated at 298.15 K by correcting DFT energies for entropic
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contributions. The energy references were chosen as CO,(g) and single point
calculations of the previously described Au-H,0-CO, and Au-H,O-M'-CO,
configurations upon removal of the CO, molecule (Eq. E.1).

* + M*(H,0)y + CO, +e” =% CO; + M*(H,0)y; AGeo, Eq.E1

E.1.6 Cation accumulation at the outer Helmholtz plane

To assess the thermodynamics of cation accumulation at outer Helmholtz
plan (OHP), we applied the methodology introduced by Resasco et al.’® The energy
of a solvated cation at the bulk electrolyte can be referenced to the energy of the
bulk alkali metal following the principles of the Computational Hydrogen
Electrode.’® At the standard reduction potential U? a cation M* is in equilibrium
with its reduced state M, Eq. E2. Thus, we can derive the energy of the
cation/electron pair at a given potential U vs SHE from the DFT energy of the bulk
alkali metal, Eq. E.3.

M*+e oM U=U, Eq. E.2

Eytye- = Ey — |e7| (U —Up) Eq.E3

We can instead estimate the energy of a cation at the OHP at U= 0V vs SHE
from our ab initio molecular dynamics simulations, since we specifically inserted an
alkali metal at the OHP, which donates its valence electron to the solvation layer,
Eq. E.4. The gold surface is represented by the symbol *, whilst the solvation layer
is indicated by solv. Thus, we can calculate the thermodynamic driving force for
each cation to accumulate at the OHP as in Eq. E.5. Considering the lowest energy
configurations for Li*, Na*, K*, Cs* during the last 2 ps of AIMD simulation, £OHP)
— Abulk electrolyte) correlates with cation ionic radius.?! Cations with larger radius
are thermodynamically more prone to accumulate at the OHP, thus they exhibit
higher concentration across the surface/electrolyte interface.!®

* +solv+ M - +solv+ M* + e, Ey+,.- (OHP) Eq.E4

AE = E+ - (OHP) — Ey+ o~ (bulk) Eq. E.5

E.1.7 Data availability

The datasets generated though Density Functional Theory simulation and
analysed during the current study are available in the ioChem-BD database?? at
DOL 10.19061/iochem-bd-1-194.23

299



Appendix E

E.2. Hanging meniscus experiments

E.2.1 Characterization of the gold electrode

Before all the CO; reduction experiments in hanging meniscus configuration
were performed, the gold electrode was flame annealed using the protocol
previously described® and the electrode was characterized in 0.1 M H,SO,. The
characterization by cyclic voltammetry (CV) was done in between all measurements,
to assure a reproducible surface which allows for comparison of the CO; reduction
results and determination of the electrochemical active surface area. The
characterization CVs recorded during the hanging meniscus experiments presented
in the main text can be found in Fig. E.1.

a) b)
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Fig. E.1. Blank voltammetry of the gold electrode used in the hanging meniscus experiments
after surface preparation through polishing and flame annealing. a) CVs recorded before the
measurements in 1 mM H,SO; with the addition of different amounts of Cs*, b) CVs
recorded before the measurements in 1 mM M,SO4 (M = H, Li, Na, K, Cs).

E.2.2 Hydrogen evolution and CO, reduction in 1ImM M,SO, (M = H, Li, Na,
K, Cs)

Hydrogen evolution and CO, reduction were also carried out in 1 mM
sulfate solutions of different cations, all adjusted to pH = 3 when necessary.
The cyclic voltammetry can be seen in the figure below, together with the results
obtained in 1 mM H,SO,, for comparison. To calculate the CO oxidation charge
density shown in the main text, the double layer charge recorded in Argon was
subtracted from the total charge found in CO, atmosphere.
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Fig. E.2. Cyclic voltammetry recorded in a) argon and b) CO, atmosphere on gold in 1 mM
M>SO4 (M = H, Li, Na, K, Cs) at pH = 3 (50 mV s™).

E.2.3 CO oxidation control experiment

A control experiment was performed to show that CO can be oxidized on the
gold electrode in the absence of a metal cation in the electrolyte. Before the
measurement the gold electrode was characterized in argon saturated 0.1 M H,SO,
electrolyte. The 0.1 M H,SO, electrolyte was saturated with CO for 5 minutes and
subsequently a cyclic voltammogram was recorded. Fig. E.3 displays both CVs,
in which the large anodic current (red curve) starting at 0.8 V vs. RHE shows that
CO can be oxidized without a metal ion in solution.
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Fig. E.3. CO oxidation voltammetry on gold recorded in 0.1 M H,SO4 after saturation the
electrolyte with CO (50 mV s™).

E.2.4 CO, reduction in 1mM H,SO, + pM Cs*

CVs were recorded directly after the CO, reduction cathodic scan from 0 to —
1.2 Vvs. RHE in 1 mM H,SO, in order to semi-quantitatively determine the amount
of CO produced with and without the addition of different amounts of Cs*. The
three subsequently cycles recorded are shown in Fig. E.4a-c and the first cycles are
shown in the main text. The increase in the amount of CO produced over the 3
cycles for each concentration is likely due to an accumulation of CO; near the
surface after CO oxidation. Additionally, considering a direct competition between
proton and CO, reduction, an increase of the interfacial pH and consequent
suppression of proton reduction, could lead to more CO produced.

E.2.5 CO, reduction in Li,SO, + uM Cs*

Li,SO4was used as background electrolyte to investigate the effect of the Cs*
concentration in the CO production. The cathodic and subsequently anodic cyclic
voltammetry recorded can be seen in Fig. E.5.
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Fig. E.4. a) First, b) second and ¢) third cycles recorded at 50 mV s* on a gold electrode
directly after a cathodic scan in CO, atmosphere when different amounts of Cs* were added
to the 1 mM H,SO; electrolyte.

E.3. SECM experiments

E.3.1 Capacitive approach curve fitting

A capacitive approach in air is performed before the SECM measurements in
order to determine the tip-to-surface distance. Fig. E.6 shows the Pt-UME approach
curves recorded before the SECM experiments performed using the gold, silver and
copper samples. The fit is shown in red.
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Fig. E.5. Cyclic voltammetry recorded at 50 mV s™* during CO; reduction on gold in Li;SO4
electrolyte contaning different concentrations of Cs*. The total cation concentration in
solution was kept 0.1 M and the pH = 3.
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Fig. E.6. Capacitive approach curves recorded before the SECM experiments on a) gold, b)
silver and c) copper.
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E.3.2 Stability of the silver and copper electrodes

Fig. E.7 shows the instability of the silver and copper electrodes when
potentials more cathodic than —0.8 and -1 V vs. RHE are applied to the sample,
respectively. It shows different cycles of the Pt-UME voltammetry recorded
subsequently, either after hydrogen evolution or CO; reduction are carried out at
the sample. As can be seen in Fig. E.7a when CO; reduction is performed on silver
in 1 mM H,SO,4 at -1 V vs. RHE, CO is produced, at small amounts. This goes against
what was observed in all the other experiments shown in the main text, in which
CO; reduction does not take place at all without a metal ion in solution. The
difference here, is that under this cathodic potential Ag* ions go into solution,
enabling the CO, reduction reaction.?> This happens as due to the SECM capacitive
approach, the sample is exposed to air for a relatively long period of time, which
likely leads to the formation of a very small amount of oxide. The presence of Ag*
ions in the electrolyte can be confirmed looking at the 5" cycle recorded from the
Pt-UME shown in Fig. E.7b, which presents voltammetric features characteristic of
the underpotential deposition of Ag* on polycrystalline platinum.?6 The same
happens with the copper sample when polarized more negatively than -1 V vs. RHE.
Copper deposition is observed in the Pt-UME voltammetry and can be seen in Fig.
E.7c.?’” These observations were made when either HER or CO, reduction were
performed at the sample and are crucial for the correct execution and judgment of
the experimental results. In between measurements, the SECM cell was always fully
disassembled and thoroughly cleaned as here we observed that trace amounts of
metal ions can already lead to the production of CO.

E.4. Model

An accurate density functional theory (DFT) modeling of the interaction
between ions and water molecules close to the catalytic surface requires ab initio
molecular dynamics (AIMD) simulations with a suitable number of explicit solvent
molecules and a proper choice of the equilibration time. Generally, at least 4 water
bilayers are required, as well as at least 10 ps of equilibration time.*3 Since platinum
and gold present similar structural properties, we inherited an explicit solvation
configuration equilibrated for 11 ps of AIMD on (3V3x3v3)R30° Pt(111) at 300 K (4
water bilayers, 72 water molecules).* The pre-equilibrated water molecules were
inserted on top of a (3V3x3v3) R30° Au(111) (4 layers, 153 A x 153 A x 30.0 A, 8
A vacuum thickness) and let further equilibrate for 2 ps with time steps of 1 fs at
300 K on the gold supercell (Fig. E.8a). This system was named Au-H,0O, since it

305




Appendix E

a) b)

. . . . : 30— . . . . . T
804 1% cycle_reaction OFF | 1% cycle_reaction OFF
—— 1% cycle after HER 2] — 5™ cycle after HER
< 601 1% cycle after CO,R | < 5% cycle after CO,R
- £ 14 Ag* UPD 1
g 404 B GC) 0. ) \ /\_____ |
= £ =
3 3
O 20/ { 9 4] ]
0 — -2 i
02 0 02 04 06 -04-02 0 02 04 06 08
Potential / V vs. Ag/AgCl Potential / V vs. Ag/AgCl
o P
1% cycle_reaction OFF
2 —— st cycle after HER
< 4] Cu?* UPD |
be: N
(o=
L 04 i
S /
-14 i
24 i

04-02 0 02 04 06 08
Potential / V vs. Ag/AgCl

Fig. E.7. Pt-UME voltammetry a) after HER or CO reduction are performed on silver in 1 mM
H,SO4 and b) subsequent cycles from the same experiment showing the presence of Ag*
ions in the electrolyte and c) similar observations on the copper electrode.

reproduces the cation-free experimental sample. After this equilibration, an alkali
atom (Li, Na, K, or Cs) was inserted in a solvation cavity close to the surface (initial
dyrsurface = 3.3 A, Fig. E.9) and the four systems were equilibrated for 2 ps at 300 K
(Fig. E.8b). A hydrogen was removed from a water molecule in the fourth water
bilayer, so that the +1 |e7| charge of the cation was balanced by the -1 |e7| charge
of the resulting OH". These systems were classified as Au-H,O-M* where M* stands
for Li*, Na*, K*, and Cs*. Given the thickness of the solvation layer, around 1.4 nm,
Au geometrical area, 2.0 nm?, and the number of water molecules, 72, the cation
surface concentration is between 0.5 (1/N, mol of cation within V= 3.29 nm?3) and
0.8 M (1/72 of water molar concentration, 55.5 M). Finally, a CO, molecule was
inserted close to the surface for both Au-H,O and Au-H,O-M* systems, with a
surface coverage of 0.04 ML (1 molecule for 27 Au surface atoms), as shown in Fig.
E.8c. Upon interaction with solvation molecules and cation during 2 additional ps
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at 300 K, CO, adsorbed on the surface via a n%co conformation (bidentate through
carbon and one oxygen) and the second oxygen coordinated to the alkali cation or
to water molecules through H-bonds. These final systems were labelled Au-H,O-
CO; and Au-H,0-M*-CO..

E.4.1 Cation-water radial distribution functions

Cation-water radial distribution functions, gu.-n20(7) were obtained for the 2
ps equilibration of the Au-H,O-M" systems to account for the density of water
molecules around the alkali metal center, M*. We first calculated the distribution of
distances, n(7), defined as the number of H,O oxygens at a distance between rand
r+ Arfor all the molecular dynamics steps, where ris the position vector from the
central cation and Aris its differential. We then normalized n(» for the expected
surface density of cations p corresponding to 2D annulus formed by the solvation
layer, Eq. E.6:

9(1)zp = 10— Eq.E6

2mr-Arp

where g(1) is the radial distribution function (dimensionless), n(s) the distribution of
distances (dimensionless), rthe position vector, Arits differential (both in A), and p
the cation surface density (A-). Cation-water radial distribution functions are
reported in Fig. E.10 and the parameters of the Lorentzian fit on the first solvation
shell peaks are shown in Table E.1. A Lorentzian fit was applied through Eq. E.7 and
it was preferred to a Gaussian fit since it was numerically more stable:

g(r) =g(r)e+ (%) : (m) Eq.E7
where g(n is the radial distribution function, r the position vector (A), w the full
width at half maximum (A), dj. o the cation-oxygen bond length (A), whilst g(no
(dimensionless) and A (A) are fit parameters.

For larger alkali cations, the first solvation shell becomes softer as indicated
by the broadening of the first gy.-n20(7) peak and the increase of w (Table E.1). For
Cs* the transition between first, second, and third solvation shell is continuous,
therefore this alkali metal can easily modify its coordination. The parameters of the
Lorentzian fit (dashed lines) and the consequent estimation of the cation-oxygen
distances in the first solvation shell are reported in Table E.1 and agree with previous
experimental and theoretical reports.?#2° The cation-oxygen bond length (d-o)
and its associated uncertainty are obtained from the fit parameters on the g(/) first
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peaks. The term d.-oisa) Stands for averages of state-of-the-art values for cation-
water distances.?8%°

<)

Au-H,0-M*-CO,

153A

0 2 t/ps 4 6

Fig. E.8. Input models for ab /initio molecular dynamics simulation carried out on a
(3V3x3V3)R30° Au(111) supercell (15.3 A x 15.3 A x 30.0 A) with 72 water molecules. a) The
Au-H0 system equilibrated for 2 ps (1 fs time step) at 300 K. b) Insertion of an alkali cation
(Li*, Na*, K*, Cs*) close to the surface and equilibration for another 2 ps at 300 K. ¢) Addition
of a CO; molecule to the system, that interacts with the gold surface via a n’co conformation
with one oxygen coordinated to the alkali cation, and AIMD further carried out for 2 ps at
300 K. The portrayed cation is Li*.
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Fig. E.9. Distance between cation (M*) and surface calculated during equilibration of the Au-

H,O-M* system (from 2 to 4 ps) and upon insertion of CO; in the vicinity of the cation (from
4 to 6 ps).

10

Li

Fig. E.10. Cation solvation shells during 2 ps equilibration of the Au-H,O-M, described by
the cation-water radial distribution functions.
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Table E.1. Parameters of the Lorentzian fit and distances between cation and water
molecules in the first solvation shell, estimated from the position of the first peak of cation-
water radial distribution functions, Fig. E.10. g(no, A w(A), x3 and d-o (A) are fit parameters
with the associated fit uncertainties. The state-of-the-art values for cation-water distances,
dw-oisay (A), and associated uncertainties are taken from Ref. 9.

m* g(ro/ - A/A w/A X /- dwso [ A dus-osa) /A
Li* —-0.39+0.16 3.7+0.3 0.28+0.02 0.34 1.981 +0.007 2.08 +0.07
Na* —0.22+0.08 3.3+0.2 0.32+0.02 0.12 2.440+0.005 2.36+0.06
K* -0.22+0.12 3.6+04 0.55+0.06 0.22 2.86+0.02 2.80+0.08
Cs*-1t -0.53+0.12 3.9+0.6 0.58+0.07 0.21 3.32+0.02 3.14 £ 0.08
Cst-2"d  —0.53+0.12 612 1.5+04 0.21 4.42 +0.08 -

Cs*-3@ -0.53+0.12 72 1.3£04 0.21 5.97 £ 0.06 -

E.4.2 Cation coordination number

To obtain the coordination number N, .o of the alkali cations M, we
assigned a bond value equal to one if the cation-oxygen distance ry...o was equal
or lower than the cation-oxygen bond length d). o, Table E.1. Otherwise, the bond
value was set to zero if ..o was larger than a certain threshold #Ay..o: 2.5, 3.0, 3.5,
4.0 A for Li*, Na*, K*, and Cs*, respectively (Fig. E.10). Between these extremes, Ny,
owas calculated through Eq. E.8 following a decay controlled by the error function
(erf), Eq. E.9.3%In Eq. E.8, Ny o is the cation coordination number (dimensionless),
w0 is the cation-oxygen distance (A), dj..o the cation-oxygen bond length (A),
thy..o the cation-oxygen threshold (A) and avg stands for average. In Eq. E.9, ¢
(dimensionless) is the variable of integration and 0 and zrepresent the integration
limits.

- d ,th
NM+—0 = %— gerf (TM+_O veldyt—o M+_0)) Eq. E.8

024
erf (z) = % [*exp(—t2) dt Eq.E9

0

E.4.3 Cation-induced electric field

We estimated the cation-induced electric field following a similar procedure
as introduced by Chen et al.3! First, we calculated the electrostatic potential induced
by the cation upon removal of the CO, intermediate through Eq. E.10, where
Usurtrsolvrions Usurfrsoe Uion indicate the electrostatic potential for the overall system
(surface, solvation and ion), the environment (surface and solvation), and the ion
alone respectively. Then, assuming the cation as a point charge, we define the local
electric field E¢ through Eq. E.11, where U(r) is the cation-induced electrostatic
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potential difference at a given coordinate #. 7,4 and 7, represent the adsorbate
and cation positions, respectively. The additional negative sign is introduced to
assess the electric field induced on a negatively charged adsorbate, such as *CO,".

U(F) = Usurf+solv+ion — Usurfesolv — Uion Eq. E.10
L (UGa) UGuY
Eer = ( [Fads—Tma )r Eq. E11

We calculated the local electric field around the *CO,™ adsorbate for different
cation configurations over the last 1 ps of AIMD simulation. We applied Eq. E.10 to

estimate E,, at the position of C, O;, and O, and then we plotted the averaged value
versus the average between cation-(C, O;, O,) distances and cation-water
coordination numbers. The electric field distribution is affected by both
d(M*{C,0,,0;,}) and the instantaneous coordination number MM*-0O(H,0)) and
highest intensities are reported for low cation-water coordination numbers and
short distances, in agreement with a recent theoretical characterization for
electrochemical CO, reduction on gold.3?

Table E.2. Cation coordination numbers to oxygen atoms in water (N-on20)) and CO2 (Nay.-
ooz) in presence and absence of adsorbed CO; as calculated through Eqg. E.8. Cation
coordination to water molecules or CO; was calculated for Au-H,O-M* and Au-H,O-M*-CO;
during 2 ps AIMD at 300 K. Coordination numbers are reported as averages with their
associated standard deviation o(Mvu*-o0), median, maximum, and minimum values.

Nm+-o(H20) (Au-H20-M") Nwm-o(H20) (Au-H20-M*-CO3) Nwm+-o(coz) (Au-H20-M*-CO2)

Mm* Mean Median Max Min Mean Median Max Min Mean Median Max Min
Li* | 2.8+0.8 2.9 39 03 |32+05 3.3 39 18 |0.1+03 0.0 1.0 0.0
Na* | 3.2+0.5 3.0 47 21 (23104 2.3 30 12 |09%0.2 1.0 1.0 0.0
K* 13.5+0.9 3.4 49 11 |3.6+06 3.7 49 1.7 |09+04 1.0 20 00
Cs* | 5.8+1.2 5.9 80 29 |54+09 5.4 6.9 3.6 |13+0.5 1.1 2.0 0.0
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Table E.3. Average CO; adsorption Gibbs free energy AGicoz (€V) and cation induced

stabilization, AAG«coz (V). AGicoz are reported with their associated standard deviations
0(AGicop). The systems under study were Au-H,O-CO; and Au-H,0-CO,-M* equilibrated for
1 and 2 ps AIMD respectively. The explicit solvent layer includes 72 H,O molecules. Those

containing cations have a water molecule replaced by M*OH.

System | AGxco2/eV  AAGxco2 [ eV
H20 +0.80 £ 0.18 -

Li* +0.16 £ 0.24 -0.64
Na* +0.28 £ 0.18 -0.53

K* +0.41 £0.12 -0.39
Cs* +0.23+£0.21 -0.58

Table E.4. Average CO; adsorption Gibbs free energy AGicoz (eV), CO> activation angle a

(degrees), Bader charges for CO; intermediate and cation M, either coordinated to CO; or
in the reference system (CO, removed), reported in elementary charge (|e]) and net CO;

surface normal electric dipole moment g reported in |e7|A. Uncertainties are given as the

standard deviation of the data. For cation Bader charges, Ag < 0.01 |e7].

System | AG+co2/eV  a/® geo2/ €| qmecon/ €| qusien/ || Peoz/ |e7|A
H,0 | +0.80£0.18 13745 047010 - - +0.40 £ 0.09
Li* +0.16£0.24 133+5 0671008 -0.91 ~0.90 +0.66 +0.11
Na* |+028+018 1345 065008 ~ -091 -0.90  +0.54+0.08
K* +0.41£0.12 136+3 08003 -0.91 -0.90 +0.54 +0.09
Cs* +0.23£0.21 13144 ~0/1%008 — -0.31 091  +0.65+0.13
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Fig. E.11. Cation-induced electric field as a function of the cation-water coordination
number, MM+-O(H;0)), (horizontal axis) and the average between cation-(C,01,0,) distances

(vertical axis) for different AIMD configurations. A, ¥, ¢, and ® represent Li*, Na*, K*, and
Cs* respectively. Dashed lines represent average cation-water coordination numbers and are
taken from Table E.2.

E.4.4 Electric dipole effects

Intermediates with large electric dipole moments are affected by electrostatic
fields across the electrical double layer (EDL), and their Gibbs free energy of
adsorption changes according to Eq. E123 Thus, the stabilization (or
destabilization) of adsorbates depends on their net electric dipole moment 3 and

their relative orientation with respect to the electric field E within the EDL. The
electric field is caused by the electric potential U applied to the electrode with
respect to its potential of zero charge Uy, (+0.2 V vs. SHE for polycrystalline gold®*),
and the contribution of neighboring ions, Eej_ion, Which is in the order of 1 V A-11831
In Eqg. E.12 d'stands for the thickness of the EDL, which is usually assumed around 3

A.19,31,33
> - U—Upzc 4 o
AG = +p - Eq = +5 - (252 + Eer_ion) Eq. E.12
Given the electric dipole moments calculated for adsorbed CO, (Table E.4),

we estimated that the stabilization for CO,™ adsorption due to dipole/electric field
interactions adds up to 0.6 eV in the presence of a partially desolvated neighboring
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cation (E, = 1V A7, Fig. E.12). These values agree with the change in the Gibbs free
energy of adsorption for CO,™ due to cation-CO, interaction (Fig. 8.7 in Chapter 8).
In the absence of a cation, a cathodic potential as negative as —=3.0 V vs. RHE is
required to induce an equivalent electric field. Therefore, under standard CO,
reduction conditions the cation is key to open the reduction reaction pathway via
explicit ionic bond with negatively charged intermediate and explicit, short-range
dipole/cation-induced electric field effect.

U/ V vs. RHE
0 -02 -04 -06 -08 -1.0 -1.2 -14 -16 -1.8 -20 -2.2 -24 -26 -28 -3.0
0 1 1 1 I L 1 1 L 1 1 1 1 1
U=-10Vvs. RHE _ U-U
S pzc
d
-0.24 Catalytic surface
U
>
()]
)
< -04-
Cation
E +
-0.6 4 Cs
Caglyti?surace i

0 01 02 -03 -04 05 -06 -07 -08 -09 -10
Z/VA?

Fig. E.12. Stabilization of CO, adsorption due to the interaction between CO> dipole moment
and local electric field generated by the cation (bottom axis, inset on the left). Top x-axis (red,
inset on the right) reports the cathodic potential needed to achieve an equivalent electric
field in absence of cation, according to Eq. E.12 and assuming an EDL thickness, o, of 3
A193133 Red dashed line indicates the potential applied during the study of CO production
vs. Cs* concentration on gold (Fig. 8.2 in Chapter 8).
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Appendix F

F.1 Methods

F.1.1 Electrode preparation

Gold disc electrodes were cut from a polycrystalline gold foil (0.5 mm thick,
MaTecK, 99.995%) and prepared by polishing and flame annealing according to the
procedure we have previously described.! The gold electrode cleanliness was
assured by Scanning Electron Microscopy (SEM) performed using an Apreo SEM
(ThermoFisher Scientific). Micrographs were obtained using an acceleration voltage
of 10 kV and an electron beam current of 0.4 nA. Additionally, elemental analysis of
the surface composition was performed using Energy Dispersive X-Ray
Spectrometry (EDX) (Oxford Instruments X-MaxN 150 Silicon Drift detector). The
EDX data was processed using the Pathfinder™ X-ray Microanalysis software v1.3.
The SEM micrographs and EDX spectra are shown in Fig. F.1. Establishing surface
cleanliness is crucial when studying cation effects on CO,RR and HER as we have
previously shown that, for instance, polishing alumina particles can contaminate the
gold surface and promote water reduction by the release of Al** ions in an acidic
electrolyte.!

F.1.2 Materials

Appropriate amounts of the following salts were employed to prepare the
electrolytes used in this work: Li,SO, (Alfa Aesar, anhydrous, 99.99%, metal basis),
Na,SO, (Alfa Aesar, anhydrous, 99.99%, metal basis), K;SO, (Sigma Aldrich,
anhydrous, 99.99%, metal basis), Cs,SO4 (Alfa Aesar, Puratronic®, 99.997%, metals
basis), BeSO, (Alfa Aesar, tetrahydrated, 99.99%, metal basis), MgSO, (Sigma
Aldrich, =2 99.99%, trace metal basis), Alx(SO,); (Sigma Aldrich, 99.99%, trace metal
basis), Nd»(SO,); (Sigma Aldrich, 99.99%, trace metal basis), Ce;(SO4); (Sigma
Aldrich, = 99.99%, trace metal basis), LiClO4 (Sigma Aldrich, 99.99%, trace metal
basis), CsClO,4 (Sigma Aldrich, 99.99%, trace metal basis), Mg(ClO,4), (American
Elements, 99.99%), Ca(ClO,4), (American Elements, tetrahydrated, 99.99%), Ba(ClO,);
(Sigma Aldrich, 99.999%), Li,CO3 (Merck, 99.99%, trace metal basis), NaHCOs (Sigma
Aldrich, 299.7%, ACS reagent), KHCO; (Sigma Aldrich, 299.95%, trace metal basis),
Cs,CO3 (Merck, 99.9%, trace metal basis), H,SO, (Merck, Suprapur, 96%). The
carbonate and bicarbonate electrolytes were purified by long term electrolysis prior
to the experiments. Two large surface area gold electrodes were used and a
potential of -2 V was applied for 12 hours, similarly to the procedure reported
elsewhere.? The pH of the electrolytes prepared was certified using a glass-
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electrode pH meter (Lab 855, SI Analytics) calibrated with standard buffer solutions
(Radiometer Analytical). The experiments were performed in a one-compartment,
three-electrode cell with the gold working electrode in hanging meniscus
configuration. The glassware used in this work was stored in potassium
permanganate solution (1 g L™* KMnQ, dissolved in 0.5 M H,SO,) overnight and
cleaned by immersion in dilute piranha. Subsequently, the glassware was boiled at
least five times in ultrapure water (>18.2 MQ c¢m, Millipore Milli-Q). A gold wire (0.8
mm thick, Mateck, 99.9%) was used as counter electrode and a reversible hydrogen
electrode (RHE) or a Hydroflex (Gaskatel) as reference, connected to the cell via a
Luggin capillary.

F.1.3 Electrochemical measurements

Experiments were carried out using a Bio-Logic potentiostat/galvanostat/EIS
(SP-300). The gold electrode was characterized before each experiment by
recording a cyclic voltammogram between 0 and 1.75 V vs. RHE in 0.1 M H,SO, at
50 mV s The gold electrochemical surface area (ECSA) was determined by
calculating the charge corresponding to the gold oxide reduction. This value was
converted to ECSA using the charge density associated with the reduction of a
monolayer of gold oxide (386 uC cm=).3 Hydrogen evolution or CO, reduction were
conducted after purging the electrolyte with either argon or CO, for at least 20
minutes. During the experiments, the respective gas flow was kept above the
electrolyte, to avoid oxygen diffusion into the solution. Before each measurement,
the solution resistance was determined by Electrochemical Impedance
Spectroscopy (EIS) and the electrode potential was compensated for 85% of the
ohmic drop. The potential opening CO, reduction experiments were performed by
cycling the gold electrode from 0.1 V vs. RHE to different negative potentials and
in the reverse scan up to 1.3 V vs. RHE. In between two different potential steps the
electrode potential was held at 0.1 V vs. RHE for four minutes to recover from the
concentration (pH) gradients developed in the diffusion layer during the cathodic

scan.

F.1.4 Density functional theory modeling

Density functional theory (DFT) simulations were performed using the Vienna
Ab Initio Simulation Package(VASP),*> with the PBE density functional.® To properly
account for dispersion, we applied the DFT-D2 method,”® with the Cg coefficients
reparametrized from one of our groups.® Inner electrons were represented by PAW
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pseudopotentials'®! and the monoelectronic states for valence electrons were
expanded as plane waves with a kinetic energy cutoff of 450 eV. Ab /nitio molecular
dynamics were applied on the Au/water/cation system (see Computational model)
for 4 ps (1 fs time step) in a canonical NVT ensemble at 300 K regulated by a Nosé-
Hoover thermostat.!??>. To account for the self-interaction error due to the
localized f electrons of Nd3*, we applied a Hubbard correction Ue; = 6.76 eV - 0.76
eV following the Dudarev’s approach,'® taken from a study of electronic and
magnetic properties of a Nd adatom.”’

F.2 Experimental

F.2.1 Gold electrode characterization

Scanning Electron Microscopy (SEM) and Energy Dispersive X-Ray
Spectroscopy (EDX) of the gold electrode used in this study.

a)

Atomic %

ZO_W\A/\/\,/\/\—\M
0 Jea AL OIS -

0 05 1 15 2 25 3
Distance / um

Fig. F.1. a)-c) SEM micrographs and d) EDX line spectra of the gold electrode (region
marked with a yellow arrow) used for the experiments after polishing with diamond
suspension and flame annealing. The lines refer to the following signals: — (black) C K,
— (green) O K, — (purple) Al K and — (red) Au M.

320



Methods and supporting information to Chapter 9

F.2.2 Potential opening experiments at pH 3 (0.1 M 14,S0,)
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Fig. F.2. Blank voltammetry of the gold electrode after flame annealing taken at 50 mV st
in 0.1 H,SO..
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Fig. F.3. a)-d) Consecutive cathodic/anodic voltammetry of the CO; reduction potential
opening experiments in 0.1 M M,SO4 with M™ = Li*, Na*, K*, Cs* at pH = 3.
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F.2.3 HER and CO,RR experiments at pH 6.8 (0.1 M //HCO,)

Blank voltammetry of the gold electrode taken before the experiments
performed at pH 6.8 in 0.1 M MHCO; electrolytes with M™ = Li*, Na*, K* and Cs".

0.04 -

-0.04 %97

I/ mA cm™

-0.08 -

-0.002

-0.12 . : . .
0 04 0.8 12 16

E/Vvs. RHE
Fig. F.4. Blank voltammetry of the gold electrode after flame annealing taken at 50 mV s
in 0.1 HySOa4.

Similarly to our experiments in acidic media, in bicarbonate the CO produced
in the cathodic scan can also be detected in the positive-going scan. The inset of
Fig. F.5b, shows the CO produced after the gold electrode is polarized negatively
and that the highest amount of CO is produced in the Cs* and K* electrolytes. The
two peaks observed in the CO oxidation voltammetry in bicarbonate are due to
diffusion limitation by two different species, namely, CO and OH~, as a function of
the local pH. In our previous work, we find that between pH 7 and 11, CO oxidation
by water and OH- gives rise to the first and second peak observed in the
voltammetry, respectively, and that the current of the second peak is diffusion
limited by the OH~ concentration, since it is lower than the CO concentration at this

pH.®®

322



Methods and supporting information to Chapter 9
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Fig. F.5. Cyclic voltammetry of a) water reduction and b) CO; reduction in 0.1 M MHCO;3, pH
9 (argon atmosphere) and pH 7 (CO; atmosphere).

F.2.4 Hydrogen evolution in electrolytes containing multivalent cations

Blank voltammetry of the gold electrode before the experiments performed
at pH 3in 0.1 M Li,SO; + 1 mM M* electrolytes with M+ = Li*, Cs*, Be?*, Mg?*,
AP, Nd3**, Ce3* and 0.2 M LiCIO4 + 2 mM M’* with M = Ca?*, Ba?*.

-0.151

-0.2 4

— Ce3+

0 0.5 1 15
E/Vvs.RHE

Fig. F.6. Blank voltammetry of the gold electrode after flame annealing taken at 50 mV s
in 0.1 H;SO4. The blank CVs were taken before the HER experiments performed in the
presence of the different cations.
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CVs of the gold electrode during hydrogen evolution performed at pH 3 in
0.1 M Li;SO, + 1 mM M™ electrolytes with M™* = Li*, Cs*, Be?*, Mg?*, A3+, Nd**,
Ce** and 02 M LiClIO; + 2 mM M™ with M™ = Ca?*, Ba®*. All electrolytes
were saturated with Argon prior to the measurements.

a)

<12 0.8 04 0
E/Vvs. RHE

-0.6 4

-0.8

12 0.8 04 0
E/Vvs. RHE

Fig. F.7. Cyclic voltammetry of HER in @) 0.1 M Li,SO4 or b) 0.1 M LiCIO4 electrolyte solutions
containing different cations.
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Relationship between cation acidity and Gibbs free energy of hydration.?
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Fig. F.8. Cation acidity and Gibbs free energy of hydration for the different multivalent
cations used in this work.

Fig. F.9 shows the CVs of HER and the effect of cation hydrolysis on the first
and second regimes of proton reduction and on hydroxide deposition.

F.3 Density functional theory modeling

We carried out density functional theory (DFT) simulations through the
Vienna Ab Initio Package (VASP).*> We chose the PBE density functional® including
dispersion through the DFT-D2 method,”® with our reparametrized Cq coefficients.®
Inner electrons were represented by PAW pseudopotentials’®* and the
monoelectronic states for the valence electrons were expanded as plane waves with
a kinetic energy cutoff of 450 eV. Since Nd presents a localized f electron, which
leads to self-interaction error, we applied a Hubbard correction Uy = 6.76 eV — 0.76
eV to the Nd atom following the Dudarev's approach.’® This value was taken from a
previous computational work, where the authors assessed electronic and
magnetic properties for a Nd adatom.’

We modeled the experimental system as in Chapter 8.1> We employed a
3v3x3v3-R30° Au(111) supercell, which included 4 layers with 153 A x 153 A
lateral dimensions and overall thickness 30.0 A (8 A vacuum). The solvation layer
accounted for 72 H,O molecules within 15 A and it was retrieved from our work
mentioned above.!® During that study,*>? the system was optimized for more than
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Fig. F.9. Hydrogen evolution cyclic voltammetry performed at pH 3 in 0.1 M Li;SO4 + 1 mM
M electrolytes with M being a) Be?*, b) AP+, ¢) Nd3*, d) Ce®*. An anodic scan recorded
directly after HER is shown in the graph inset.

10 ps via AIMD simulation in a canonical NVT ensemble at 300 K regulated by a
Nosé-Hoover thermostat.’?>, We introduced two cations M+ (Li*, Cs*, Mg?*, Ba?*,
ARF*, Nd3*) within the first solvation layer, whilst we removed 2n hydrogens from
water molecules in the fourth water bilayer to keep charge balance (n = cation
charge). Considering the thickness of the solvation layer (1.4 nm), the geometrical
area (2.0 nm? and the overall number of solvent molecules (72), a cation surface
coverage of 0.08 ML (2/27) is equivalent to a surface concentration between 1.0
(2/Ns mol within a volume of 3.29 nm? and 1.6 M (2/72 of water molar
concentration, 55.5 M). Besides, to better mimic explicit electrostatic effects, we
applied an electric field of 0.3 V A,°?! equivalent to a potential of -0.9 V vs.
potential of zero charge (Upzc), assuming an electrical double layer thickness of 3
A2223 Since the Upyc for polycrystalline gold is reported as +0.2 V vs SHE,?* the

applied electric field is equivalent to an electric potential of 0.7 V vs. SHE, Eq. F.1.

U (VS. SHE) = UPZC + EEDL ) dEDL Eq F.1
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The Au/water/cation systems underwent 2 ps of AIMD simulations. Finally, we
added either a CO, or an additional water molecule (0.04 ML, 1/27) to the
equilibrated Au/water and Au/water/cations model, which adsorbed on the surface
close to one of the cations. Besides, to check a reference case with proton as the
cation, we replaced the 2 optimized Li* atoms in the Au/H,O/Li* systems with H".
The resulting 6 Au/water/M™/ads and 1 Au/water/H*/ads systems (ads = *CO,,
*H,0) were further optimized for 2 ps to assess the activation of CO, and H,0O in
the presence and absence of a metal cation. Since cations, adsorbates CO,, and the
explicit solvation later were placed only on one side of the slab, we applied an
additional dipole correction to remove spurious contributions arising from the
asymmetric slab model.?®

F.3.1 Cation-water radial distribution functions

We obtained the cation-water radial distribution functions, gu™ n20(r) from
the 2 ps equilibration of the Au/water/M™ systems to estimate the density of
water molecules around the two M"* centers introduced in the supercell. First, we
calculated the distribution of distances of H,O oxygens from the cation, n(r), defined
for all the molecular dynamics steps within an interval (r, r + Ar), where r is the
position vector from M™ and Aris its differential. We then normalized n(r) for the
surface density of cations p corresponding to 2D annulus formed by the solvation
layer, Eq. F.2.

9)ap = 7= Eq. F.2

In Eq. F.2, g(n is the radial distribution function (dimensionless), n(/ the
distribution of distances (dimensionless), r the position vector, Ar its differential
(both in A), and p the cation surface density (A-?). Cation-water radial distribution
functions are reported in Fig. F.10 and the parameters of the Lorentzian fit on the
first solvation shell peaks are shown in Table F.1. A Lorentzian fit was applied
through Eq. F.3, as in Ref. 15.

where g(n) is the radial distribution function, r the position vector (&), w the full
width at half maximum (A), dy..o the cation-oxygen bond length (&), whilst g(n
(dimensionless) and A (A) are fit parameters. The parameters of the Lorentzian fit
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and the resulting estimation of the cation-oxygen distances in the first solvation
shell are reported in Table F.1 and agree with previous experimental and theoretical
reports.?6?’ The cation-oxygen bond length (a.o) and its associated uncertainty are
obtained from the fit parameters on the g(n first peaks. The term d.osa) stands
for averages of state-of-the-art values for cation-water distances.?6?’

14 -

Gwr-n,0(1)

—Li"(1)

---Li"(2)

Fig. F.10. Cation solvation shells during 2 ps equilibration (0-2 ps) of the Au/water/M'*,
described by the cation-water radial distribution functions.

Table F.1. Parameters of the Lorentzian fit and distances between cation and water
molecules in the first solvation shell, estimated from the position of the first peak of cation-
water radial distribution functions, Fig. F.10, for an AIMD equilibration of 2 ps. g(r)o, 4 w (&)
and x?, are fit parameters. Uncertainty associated with fit parameters is given as standard
deviation of the data, whilst uncertainty related to averages of state-of-the-art values for

cation-water distances, du-oisa), is taken from Ref. 26 and 27.

M+ g(r)o A/A w/A X dwo/A dmosa) /A
Li*(1) —0.030£0.009 0.281+0.018 0.31+0.02 1.1E-03 2.021+0.006 2.08+0.07
Li*(2) —-0.022 £0.008 0.206+0.013 0.233+0.018 1.1E-03 1.945 +0.005

Cs*(1) —0.09+£0.02 0.35+£0.05 0.48 £0.07 3.5E-03 3.27520.017 3.1410.08
Cs*{(2) -0.057£0.013 0.34%£0.04 0.46 + 0.05 2.7E-03 3.326 +0.015

Mg?*(1) —-0.031+0.012 0.214+0.017 0.196+0.018 2.1E-03 2.0280.005 2.09+0.04
Mg?*(2) -0.023+0.011 0.241+0.013 0.154+0.010 2.0E-03 1.996 + 0.003

Ba%*(1) -0.028 £0.013 0.49+0.03 0.36 +0.03 3.6E-03 2.826+0.007 2.81

Ba%*(2) —0.025+0.010 0.40+0.02 0.40+0.03 1.8E—03 2.798 £ 0.008

A1) -0.012£0.007 0.124+0.008 0.110%0.10 9.6e-04 1.772+0.002 1.887+£0.015
Al*+(2) —0.026£0.011 0.232+0.011 0.102+0.006 2.4E-03 1.791+0.002

Nd3*(1) -0.042+0.011 0.41+0.02 0.259+0.015 2.4E-03 2.445+0.004 2.472+0.033
Nd3*(2) -0.039+0.015 0.37+0.03 0.34 +0.03 3.1E-03 2.384 + 0.009
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F.3.2 Cation coordination number

To obtain the coordination number My.o of the multivalent cations M™, we
assigned a bond value equal to one if the cation-oxygen distance ry.o was equal or
lower than the cation-oxygen bond length ajy.o, Table F.1. Otherwise, the bond
value was set to zero if sy.o was larger than a certain threshold tAy.o: 2.5, 3.5, 2.4,
3.5, 2.0, 2.8 A for Li*, Cs*, Mg?*, Ba?*, AI**, Nd3* respectively (Fig. F.10). Between
these extremes, My.o was calculated through Eg. F.4 following a decay controlled
by the error function (erf), Eq. F.5.2 In Eq. F.4, Muo is the cation coordination
number (dimensionless), 7.0 is the cation-oxygen distance (A), du.o the cation-
oxygen bond length (&), tAv.o the cation-oxygen threshold (A) and avg stands for
average. In Eq. F.5, ¢ dimensionless) is the variable of integration and 0 and z
represent the integration limits.

-1_1 rM-0—avg(dm-o.thmM—-0)
Ny-o =3 2erf ( o ) Eq. F4

erf (z) = \/%foz exp(—t?)dt Eq.F.5
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Fig. SF.11. Cation coordination numbers to oxygen atoms in water (Mu-on20)

during equilibration of the Au/water/M™ system (from 0 to 2 ps).

Table F.2. Cation coordination numbers to oxygen atoms in water (Mv-on20)) as calculated
through Eq. F.4 for Au/water/M™ during 2 ps AIMD at 300 K (Fig. F.11). Coordination
numbers are reported as averages with their associated standard deviation o(NMu-o), median,
maximum, and minimum values.

Nu-orz0) (Au/water/ M™)
M7 Mean Median Max Min
Li*(1) 35+03 3.6 39 25
Li*(2) 28 +0.2 29 3.0 2.1
Cs*(1) 37 +09 39 54 1.7
Cs*(2) 37 +£07 37 5.2 2.0
Mg?*(1) 2602 2.7 29 1.9
Mg?*(2) 36+0.2 37 39 3.0
Ba?*(1) 6.9 + 0.6 6.9 8.0 5.6
Ba?*(2) 54 +05 5.6 6.5 41
Al (1) 1.68 + 0.08 17 19 15
AB*(2) 3.03+0.14 31 33 24
Nd3*(1) 51+03 51 5.6 4.2
Nd3+(2) 43 +0.2 43 4.7 3.7
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t/ ps
Fig. F.12. Distance between cation (M) and surface calculated during equilibration of the
Au/water/M™ system (from 2 to 4 ps).

F.3.3 Cation accumulation at the Outer Helmholtz layer

To assess the thermodynamics of cation accumulation at outer Helmholtz plan
(OHP), we applied the methodology introduced by Resasco et al.?° The energy of a
solvated cation at the bulk electrolyte can be referenced to the energy of the bulk
metal following the principles of the Computational Hydrogen Electrode.®® In the
following lines, we define such methodology for the case of alkali cations, which
can be easily generalized to multivalent species. At the standard reduction potential
U093 a cation M is in equilibrium with its reduced state M, Eq. F.6. Thus, we can
derive the energy of the cation/electron pair at a given potential U vs SHE from the
DFT energy of the bulk alkali metal, Eq. F.7.

Mt+e oM U=U° Eq.F.6
Evtie-=En—e”| (U—-U") Eq.F.7

We can instead estimate the energy of a cation at the OHP at /= 0 V vs SHE
from our ab initio molecular dynamics simulations, since we specifically inserted
two metals at the OHP, which donate their valence electron to the solvation layer,
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Eq. F.8. * accounts for the gold surface and the label env for the environment, i.e.
the solvation layer and the second cation. Thus, we can calculate the
thermodynamic driving force for one of the two cations to accumulate at the OHP
as in Eq. F.9 for 50 AIMD snapshots after 1 ps equilibration (every 20 fs from 1 ps

to 2 ps).
* +env+ M -+ +env+ Mt + e, Ey+ .- (OHP) Eq. F.8
AE = Eyt - (OHP) — Epgé 4 o- (bulk) Eq. F.9

Table F.3. Fit parameters for linear correlations shown in Fig. F.13.

Eoup— Epux=a+ b * dM’”—surface

M7 a/eV b/eVAl R?
Li* +2.61 + 0.07 -0.45 + 0.02 0.87
Cs* +2.05 + 0.09 -0.30 £ 0.02 0.70
Mg?* +10.5 + 0.3 -2.97 + 0.08 0.93
BaZ* +5.5+0.2 -0.93 + 0.04 0.84
AR+ +145 + 0.2 -4.00 + 0.06 0.98
Nd3+ +8.0+ 0.5 -21+0.2 0.65
7 ALt
6. A Cs*
%} M92+
S 5 . A Ba**
2 S 3+
@, A Al
% \\\ Nd3+
W@ 3
2
14
04

dM"*-surface / A
Fig. F.13. Correlation between the thermodynamic driving force for cation accumulation at
the OHP estimated at U/ = 0 V versus SHE and cation-surface distance. The data points have
been referenced to the minimum for each cation, respectively -2.4, -2.2, 6.7, -8.1, -11.4,
-85 eV for Li*, Cs*, Mg?*, Ba%*, AP*, and Nd3*. All the data points are therefore
negative, confirming that cation accumulation at the OHP is an exothermic process.
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Fig. F.14. H-O Distances in the adsorbed water molecule for the Au/water/M™/*H,0
system (from 2 to 4 ps). For all the metal cations *H,O dissociates into OH™ and H* after
less than 0.3 ps.
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Fig. F.15. Distance between cation (M™) and surface calculated for the Au/water/M™ /*H,O
system (from 2 to 4 ps).
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Fig. F.16. Cation coordination numbers to oxygen atoms in adsorbed H,0 (Nu-on20)) for
the Au/water/M™ /*H,0 system (from 2 to 4 ps).

Mar—o,0)
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Fig. F.17. Cation coordination numbers to oxygen atoms in solvent molecules (Mu-o20))
for the Au/water/M™ /*H,0 system (from 2 to 4 ps).
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Table F.4. Cation coordination numbers to oxygen atoms in adsorbed H,O (Mu-or20) as
calculated through Eq. F.4 for Au/water/M"/H,0 during 2 ps AIMD at 300 K (Fig. F.16-
F.17). Coordination numbers are reported as averages with their associated standard
deviation o(Ncat-0), median, maximum, and minimum values.

Nwm-o(20) (Au/water/M™/*H,0) Nwm-o(co2) (Au/water/M™/*H,0)
mn+ Mean Median Max Min Mean Median Max Min
H* 0.6 0.6 0.2 2.1 0.0 | 0.0£0.0 0.0 0.0 0.0
Li+ 2.87 +£0.09 2.9 3.0 26 | 0.0+0.0 0.0 0.0 0.0
Cs* 40+1.1 4.0 68 20 |05+04 0.6 1.0 0.0
Mg?* 2.6+0.2 2.7 2.9 1.8 | 0.0£0.0 0.0 0.0 0.0
BaZ* 5.8+0.7 5.8 74 46 | 06205 0.9 1.0 0.0
ARt 1.67 £0.09 1.7 1.9 14 | 0.7£0.1 0.7 0.8 0.4
Nd3* 44+04 4.4 53 3.2 | 00%0.2 0 1.0 0

F.3.4 Determination of the activation barriers.

To estimate the activation energies for H,O and H;O* dissociation and CO;
protonation, we considered an Au/2-3H,0/M’*/ads system, with simplified cation
solvation shell with 2-3 water molecules. Eq. F10-12 define the processes for 3 water
molecules in the solvation shell. We then removed n — 1 protons (7 for H;O*
dissociation) from the system to keep an extra electron in the system (7 = 1, 2, 3
for proton and alkali, divalent and trivalent cations respectively). Then, we let
*CO,, H, *H;0%, *H,0, H,0 + *H and OH- + *H adsorb close to the cation, and we
further optimized the overall system Au/2-3H,0/M"*/ads (ads = *CO,, *COOH,
H;0*, *H,0, H,O + *H and OH~ + *H). Activation energies were calculated trough
the Nudged Elastic Band (NEB) method and all of them exhibit a single imaginary
vibrational frequency.?® Gibbs free energies were calculated at 298.15 K by
correcting DFT energies for entropic contributions. The energy references were
chosen as CO,(g), Hx(g) and H,O(g) and single point calculations for the
Au/2-3H,0/M"* system.

* COE o Mn+(H20)(3_n) + (n - 1)OH_ \_—\ * COOH + Mn+(H20)(3_n_1) + TlOH_

Eqg. F.10

* H,0 + ™+ M™(H,0)3-n)+ (n — 1)OH™ = * H + OH™ --- M™* (H,0) 3y +

(n—1)OH™ 11
* H30% + e™ + M™ (H,0) (3_ny + nNOH™ = * H + H,0 - M™* (H;0) 3_) +

nOH~ Eq. F.12
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Fig. F.18. a)-b) Gibbs free energy for *H adsorption (diamonds) and H3;O* dissociation
(down-pointing triangles, Eq. F.12) vs. cation acidity, calculated with 3 H,O molecules
in cation solvation shell. c)-d) Activation barrier for water dissociation (up-pointing
triangles, Eq. F.11) vs. cation acidity, calculated as average of the calculated values for 2 and
3 H,O molecules in cation solvation shell. In the schemes, Au, Cs, H, and O atoms are
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Fig. F.19. Distance between multivalent cation (M"*) and surface calculated for the
Au/water/M™ /*CO, system (from 2 to 4 ps).

Table F.5. Cation coordination numbers to oxygen atoms in solvent molecules (Mwv-o20)
and adsorbed CO; (Mu-ocoz) as calculated through Eq. F.3 for Au/water/M"*/*CO, during 2
ps AIMD at 300 K (Fig. F.16-F.17). Coordination numbers are reported as averages with their
associated standard deviation o(Mv-o), median, maximum, and minimum values.

Nwm-on20) (Au/water/M™/*CO,) Nm-o20) (Au/water/M™/*CO,)
mn+ Mean Median Max Min Mean Median Max Min
H* 0.5+0.6 0.1 19 0.0 | 0+3E-4 0.0 0.01 0.0
Li+ 3.1+0.5 3.0 39 20 |00%0.2 0.0 1.0 0.0
Cs* 3.5+0.6 3.5 4.8 20 [ 0.7£04 0.8 1.8 0.0
Mg?* 3.0+0.4 3.0 38 20 | 06%x04 0.7 1.0 0.0
BaZt 5.6+0.7 5.5 71 38 | 09%0.2 1.0 1.0 0.1
AlR* 1.63+0.12 1.6 1.9 1.2 | 0.5%0.2 0.5 09 0.0
Nd3* 39+0.4 3.9 47 2.8 | 09+0.2 0.9 1.0 0

337



Appendix F

Mur—o,0)

22 24 2 . . . . : (

t/ ps (

Fig. F.20. Cation coordination numbers to oxygen atoms in solvent molecules (Mu-o20))
for the Au/water/M"*/*CO; system (from 2 to 4 ps).

2 2.2 24 2.6 2.8 3 32 34 3.6 3.8 4
t/ ps
Fig. F.21. Bond formation between H* and neighboring water molecule for
Au/water/H*/*CO, system and Au/water/H*/*H,O system (from 2 to 4 ps). Proton is not
effective as a CO; reduction promoter, since it combined with a neighboring water molecule
to form a H3O* after less than 0.2 ps.
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Fig. F.22. DFT energy of a) a free CO, and b) a CO, coordinated to a multivalent cation as a

function of the CO; activation angle, a. Lower « values indicate CO; activation. M™---O(COy)

distances have been set according to AIMD results (Table F.1). Different colors highlight a)

additional electrons in the simulation cell (from 1 to 3) and b) different cation species.

Dashed lines represent a quadratic fit over the data points.

Table F.6. Fit parameters for quadratic correlations shown in Fig. F.21:

E =a+b*aco, +c*aco,?

System a/eV b/eVdegrees? c/ eV degrees R2

CO, (0 |e7]) +30+1 -0.35+0.02 +9.9E-04 + 6E-05 0.998
CO, (1 |e7]) +17 %2 -0.20+£0.02 +5.9E-04 + 7E-05 0.98
CO, (2 |e7]) +17+£2 -0.20 + 0.02 +5.9E-04 £+ 7E-05 0.985
CO, (3 |eT]) +15+2 -0.19+0.03 +5.6E-04 + 9E-05 0.97
Li*--- CO, (1 |e7]) +14 £ 2 -0.17 £ 0.02 +5.2E-04 £ 7E-05 0.97
Cs*-CO, (1 |e7]) +17 %1 -0.19+£0.02 +5.7E-04 + 7E-05 0.988
Mg CO, (2 |e’|) | +18+1 -0.209+0.014  +6.0E-04 +5E-05  0.996
Ba%*-- CO, (2 |e7|) | +16+1 -0.18 £ 0.02% +5.3E-04 + 6E-05 0.989
AB*-- CO, (3 |e]) +10+£2 -0.13+0.03 +4.52E-04 £+ 1.1E-04 0.77
Nd3*-- CO, (3 |e7|) | +13 2 -0.16 £ 0.02 +4.9E-04 + 7E-05 0.96
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Appendix G

G.1 Methods
G.1.1 Materials

The following chemicals were used to prepare the electrolytes used in this
work: Li;SO4 (Sigma Aldrich, 99.99 % metal basis), K,SO,4 (Alfa Aesar, Puratronic,
99.997 %, metals basis), H,SO4 (Merck, Suprapur, 96%), LiClO4 (Sigma Aldrich,
99.99%, trace metal basis), KCIO,4 (Sigma Aldrich, 299.99%, trace metal basis), LIOH
(Sigma Aldrich, 99.995%, monohydrate), NaOH (Merck, 30% solution, Suprapur®),
KOH (Merck, 99.995%, Suprapur®). The sulfate salts were used for the experiments
in acidic media and the hydroxides for the experiments in alkaline media. For the
measurements in alkaline media in which the cation concentration is varied,
appropriate amounts of perchlorate salts were added to the electrolyte. Gold and
platinum disc electrodes were cut from a polycrystalline gold (0.5 mm thick,
MaTecK, 99.995%) and platinum (0.5 mm thick, MaTecK, 99.99%) foil and prepared
according to the method described in Chapter 7. All glassware used was cleaned by
immersion in a potassium permanganate solution overnight (1 g/L KMnO,4
dissolved in 0.5 M H,SOy,), followed by immersion in dilute piranha. The glassware
was further boiled in ultrapure water at least five times before use.

G.1.2 Electrochemical measurements

All electrochemical measurements were carried out using a BiolLogic two-
channel potentiostat/galvanostat/ EIS (SP-300). The hanging meniscus and rotating
disc electrode (RDE) experiments were carried out in a one compartment glass cell.
A gold (0.5 mm diameter, MaTeck, 99.9%) or a platinum (0.5 mm diameter, MaTeck,
99.9%) wire was used as counter electrode (depending on the working electrode)
and a reversible hydrogen electrode (Gaskatel, HydroFlex) as reference. Argon (6.0
purity, Linde) was purged through the solution for 20 minutes prior to the
experiments. The argon flow was kept also during the experiments in order to avoid
oxygen diffusing into the electrolyte. Before the measurements, the gold electrode
was prepared by flame annealing, using the procedure described in our previous
work.! The platinum electrode was also flame annealed and subsequently cycled
200 times between 0.06 and 1.65 V vs. RHE in 0.1 M H,SO, at 1 V s7%, in order to
yield a reproducible blank voltammogram. Blank CVs were recorded in argon
saturated 0.1 M H,SO, prior to every measurement. The electrochemically active
surface area (ECSA) of gold was calculated based on the charge corresponding to
the gold oxide reduction and a surface charge density of 386 uC cm™2 For
platinum, the integral of the hydrogen desorption region 0.06 < E < 0.6 V was used
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(after subtraction of the double layer charge), and the ECSA was calculated based
on the specific charge of 230 uC cm™ reported for a polycrystalline Pt surface in
sulfuric acid.> RDE experiments were performed using a MSR Electrode Rotator
(Pine Research Instrumentation) equipped with a AFE6M shaft, and a gold and a
platinum disk (diameter = 5 mm, Pine Research Instrumentation). The rotating disc
electrodes were polished with a polycrystalline diamond suspension of 0.25 um
(MetaDi, Buehler) and then sonicated (Bandelin Sonorex RK 52H) in ethanol and
ultrapure water (>18.2 MQ cm, Millipore Milli-Q) for 10 minutes before the
measurements. For all hydrogen evolution experiments, the solution resistance was
determined by performing Potentiometric  Electrochemical Impedance
Spectroscopy (PEIS) and the electrode potential was always automatically
compensated for 85% of the ohmic drop.

G.2 Hydrogen evolution in acidic media

In mildly acidic media (pH = 3), we see first a cathodic current due to proton
reduction (2H* + 2e” — H,) on both gold (Fig. G.1a) and platinum (Fig. G.1b)
followed by a peak due to diffusion limitation. On gold, the reaction kinetics is not
affected by the cation identity, and is only dependent on the proton concentration
at the reaction interface, as we also observed in our recent work.* On platinum, we
see that K* slightly increases the rate of the reaction, as higher currents are obtained
at low overpotentials, where the reaction is only kinetically limited. In acidic media,
an often used descriptor for HER on platinum is the hydrogen binding energy and
the free energy of hydrogen adsorption (AGy .4s), Which on platinum is close to zero.
A way to probe the hydrogen binding energy on Pt is by recording the blank
voltammetry, as we show in Fig. G.1c in Li* and K* containing electrolyte. We see a
positive shift of 10 mV in the underpotential hydrogen (H,pq) peak (between 0.2 and
0.3 V vs. RHE) in K* electrolyte, which has been previously ascribed to an increase in
the hydrogen binding energy.> However, work from our group on Pt(553) shows
that there is a cation dependence of the potential of the {110}-step related Hypq
peak. It shows through experiments and Density Function<ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>