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1.1 Voltammetry as the central technique in electrochemical analysis

Over the past century, the field of electroanalysis has experienced a remarkable evolution,
with voltammetry emerging as its central technique. Voltammetry is an electrochemical
technique that involves applying a potential that varies with time to a working electrode and

measuring the resulting current flowing between the working and counter electrodes. (Fig.1)

Fig. 1 The three-dimensional i-t-E surface for a Nernstian reaction. (A) The steady-state
voltammogram corresponds to a cut parallel to the i-E plane. (B) another cut representing a

linear potential sweep across this surface. Adapted from Reference !.

In a relatively short period of just over 60 years, a diverse array of methods has been
developed around voltammetry, specialized instruments have been designed and built, and a
comprehensive theoretical and mathematical framework has been established.>? Since then
voltammetry has become an essential technique in our current scientific research. It provides
valuable information about the electrochemical properties and behavior of materials, which can
have significant implications in fields such as materials science,*® energy storage,”” corrosion

10-12

studies,'*!? and sensor development.' 14

A few specific examples of the importance of voltammetry on solid electrodes are given

below:

(1). Electrode characterization
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Voltammetry enables the determination of electrochemical parameters of the electrode
materials, such as the electroactive surface area, charge transfer kinetics, and electrochemical
stability.!>!7 These parameters are crucial for understanding the performance and behavior of

electrodes in various applications.
(2). Material analysis

Voltammetry allows for the investigation of material properties and composition.* By
studying the electrochemical behavior of an electrode, researchers can gain insights into the
oxidation/reduction processes, interfacial reactions, and the surface reactivity of the material.
This information is valuable for designing and optimizing electrode materials for energy storage

devices such as batteries and supercapacitors.’
(3). Sensor development

Solid electrodes are often used in the development of electrochemical sensors.
Voltammetry allows for the sensitive detection and quantification of analytes in various samples.
By applying a potential to the electrode and measuring the resulting current response, it is
possible to obtain information about the concentration, presence, or behavior of target analytes.
This has applications in environmental monitoring, biomedical diagnostics, and industrial

process control.'®
(4). Corrosion studies

Voltammetry is used to study corrosion processes on electrode surfaces.'!? By
monitoring the current response at different potentials, researchers can gain insights into the
corrosion mechanisms, corrosion rates, and protective properties of coatings or inhibitors. This
knowledge helps in the development of effective corrosion prevention strategies and the design

of more corrosion-resistant materials.
(5). Energy conversion and storage

Solid electrodes play a crucial role in energy conversion and storage devices such as fuel

cells, electrolyzes, and batteries.”” Voltammetry allows for the investigation of electrochemical
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reactions, charge/discharge processes, and performance characteristics of these electrodes, and

thereby for the improvement of the efficiency, stability, and lifespan of energy storage systems.

In summary, voltammetry now becomes an indispensable tool for studying the
electrochemical properties of materials, analyzing their behavior, and designing advanced
technologies. It provides valuable information for materials characterization, sensor

development, corrosion studies, and energy-related applications.
1.2 The history of Polarography — the forerunner of solid electrode voltammetry

Voltammetry originated in early 1922 when Heyrovsky initiated the measurement of
current flow and drop time as a function of the potential at a dropping mercury electrode
(DME)." The measurement wherein current-voltage curves on the DME were obtained were

referred to as polarography.

On February 10 1922, Jaroslav Heyrovsky integrated a mirror galvanometer, a highly
sensitive instrument, into the circuit. Through meticulous point-to-point measurements, he
achieved a significant milestone by obtaining the first polarogram (Fig. 2). A few years later,
Heyrovsky collaborated with Masuro Skikata (Fig. 3A) to develop an innovative instrument for
the automatic recording of Cyclic Voltammetry (CV) curves, known as polarography (Fig. 3B).
This pioneering work marked the advent of the first automated recording by an analytical

instrument, signifying the onset of a new era in instrumental analysis.?* 2!

At the time, mercury was widely regarded as the optimal electrode material for
polarography.?? The Dropping Mercury Electrode (DME) offered an easily renewable and
atomically smooth surface, effectively mitigating issues related to electrode passivation and
fouling. In addition, due to its high overpotential for the evolution of hydrogen, mercury
exhibited a broad potential window, extending to negative potentials as low as —1.6 V vs.
SCE.? This unique property made mercury the preferred material for the determination of

electrochemically reducible analytes.

From the 1940s to the early 1960s, polarographic methods on mercury electrodes
experienced a rapid growth along two parallel paths. On one side, numerous variations of the

traditional dropping mercury electrode emerged, including the mercury streaming electrode, the
4
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hanging drop mercury electrode, the static mercury drop electrode, the mercury film electrode,
the mercury amalgam electrode, the mercury microelectrode, the chemically modified mercury
electrode, the controlled growth mercury electrode, and the contractible mercury drop
electrode.”* These innovations expanded the versatility and applicability of mercury-based
polarography. On the other side, various modifications to the basic polarographic method were
developed, such as oscillopolarography, Kalousek's switcher, AC polarography, Tast
polarography, normal pulse polarography, differential pulse polarography, square-wave
voltammetry, cyclic voltammetry, anodic stripping voltammetry, adsorptive stripping
voltammetry, convolution techniques, and elimination methods.'” ** These advancements
aimed to enhance the sensitivity, selectivity, and speed of polarography experiments, especially
in light of trace analysis. Due to the increasing awareness of the potential toxicity of mercury,
the utilization of mercury in polarography gave rise to increasing concerns, particularly from
the 1960s onward. As a result, the practice of polarography diminished. It is widely believed
that the decline of polarography can be primarily attributed to the apprehension surrounding
mercury toxicity.?> 2> However, despite the limited use of these derived polarographic methods,
they have played a vital role in providing invaluable insights and experiences that have

contributed significantly to the advancement of the electrochemical methodology as a whole.
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Fig.2 Image of two selected pages from Heyrovsky’s laboratory notebook. Legend: (A)
Protocol from February 9, 1922. On February 2, 1922, Heyrovsky conducted measurements of
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electrocapillary curves in a 1 M NaCl solution exposed to air, but at the time did not realize
what is going on at the maximum. (B) The first polarogram. Plot recorded on February 10, 1922.

Adapted from Reference 22.

- |k
H
Fig.3 (A) Masuzo Shikata and Jaroslav Heyrovsky in London, December 12th 1923; (Adapted

from Ref ). (B) Schematics of the Heyrovsky—Shikata photographic recording polarograph.

Adapted from Reference 2°.
1.3 The history of voltammetry on solid electrodes

The term "voltammetry" was officially adopted by the [UPAC Nomenclature Committee
in the 1960s, but it was originally coined by Kolthoff and Laitinen in 1940 to describe voltage-
controlled electrolytical methods.?” Following this terminology, polarography was considered
a specific form of voltammetry that utilized the Dropping Mercury Electrode (DME). When the
mercury ceased to drop, the technique was no longer referred to as polarography, but rather as
voltammetry with the Hanging Mercury Drop Electrode (HMDE). Since the 1960s,
voltammetry techniques conducted at stationary and solid electrodes have gained popularity,

gradually replacing the use of polarography with the DME.*?

The progress in voltammetry at solid electrodes was propelled by advancements in
instrumentation.?° The use of operational amplifiers, initially based on vacuum tubes and later
on transistors and integrated circuits, revolutionized the construction of electrochemical

instruments.?® In addition, the availability of Polaroid Land cameras and x-y recorders for

6
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recording oscilloscope traces contributed to the field.> These developments facilitated the
creation of more precise three-electrode static systems capable of accommodating various
voltammetry modes such as lineal voltammetry, cyclic voltammetry, normal pulse voltammetry,
differential pulse voltammetry, stripping voltammetry, etc.?® ° In addition, the advent of
computers has had a profound impact on the advancement of instrumentation. In contemporary
times, computer-controlled instrumentation is widely utilized, allowing for the implementation
of various modifications of voltammetry using a single specialized apparatus.> Moreover,
experiments can be automatically evaluated on a computer screen with the aid of suitable

software that streamlines data analysis and enhances experimental efficiency.

Modern voltammetry techniques in combination with a rapid development of
electrochemical instrumentation has largely encouraged electrochemists to step beyond trace
metal determination and speciation, which had been the main application of polarography thus

far, and to investigate more complex problems such as the corrosion of materials,'® 3% 3!

32, 33 34, 35

dissolution kinetics, structure-activity relationships of electrochemical processes,

39, 40

electrocatalysis,*®*® kinetic studies of short-lived homogeneous reactions,* 4’ and many other

Pprocesses.

Since the 1960s, there has also been a growing research interest focused on the electrodes
themselves. Electroanalytical chemists began delving into the physical chemistry of solid
electrodes using voltammetry, and discussions aimed at designing and engineering modified
electrodes emerged.” Initially, platinum, gold, and, to a lesser extent, silver were among the first
solid electrodes studied as working electrodes.'” *' Subsequently, metals such as bismuth,
nickel, palladium, rhodium, ruthenium, and indium, in various forms such as wires, plates, and
disks, were also utilized for specific electroanalytical applications.?’ Following the initial surge
of interest in solid noble metals, carbon-based electrodes gained rapid development due to their
advantages such as a wider potential range, a more diverse surface chemistry, its chemical
inertness, cost-effectiveness, and easy accessibility.*** Simultaneously, in the mid-1970s,
electrode modification techniques gained popularity with the aim of enhancing the sensitivity
and selectivity of solid electrodes. Since then, various conductive materials have been explored
for electrode modification purposes, including coatings composed of clays,* zeolites,*

7
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47 8 48

inorganic crystals,?” enzyme layers,'® organic metals,*® composites,” and nanomaterials.*
These modified electrode materials have significantly advanced the development of various

modern electrochemical sensors.

During the rapid development of voltammetry, significant discoveries have been made in
electrochemical catalysts and energy storage materials. For instance, dimensionally stable
anodes (DSA) were patented by Beer in the 1960s (in Britain) and 1970s (in the United
States).’! DSAs are coatings of a mixed ruthenium-titanium oxide (RTO), consisting of rutile
RuOz and TiO2 deposited on titanium. These coatings have found extensive use in industrial
chlor-alkali and chlorate cells, leading to substantial energy savings due to their lower
overpotentials at industrial current densities. The discovery of DSAs has been hailed as "one of

the greatest technological breakthroughs of the past 50 years of electrochemistry".>?

The first report on the nickel metal hydride battery (NiMH or Ni-MH) dates back to 1967.%
In the 1970s, the advantage of using lithium metal for high-energy density storage systems was
demonstrated through the assembly of primary lithium cells.** *> During the same period,
numerous inorganic compounds were found to react reversibly with alkali metals. These
compounds, later identified as intercalation compounds, played a crucial role in the
development of high-energy rechargeable lithium systems. The concept of electrochemical

intercalation, fundamental to modern Li-ion batteries, was clearly defined in 1973.5% 57

Around the same time, the theoretical framework for pseudo-capacitance related to
electrochemical supercapacitors was postulated by Conway and Gileadi.’® Experimental
observations revealed the rapid charge transfer processes of surface-bound species, such as
underpotential deposition (UPD), adsorbed intermediates during electrolysis, and modified
thin-film electrodes.”® In 1971, Trasatti and his colleagues investigated the charge storage
behavior of a ruthenium oxide thin film in sulfuric acid and discovered pseudo-capacitance in
transition metal oxides for the first time. This discovery marked the beginning of research on

electrochemical supercapacitor materials.>® ¢
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Overall, during this period, the thriving advancement of materials science across various
fields has greatly ignited researchers' curiosity on the fundamental processes occurring at the

solid-liquid interface.
1.4 The complexity and advantage of cyclic voltammetry on solid electrodes

In a conventional voltametric three-electrode setup, the electrode potential (E) is
controlled between the working electrode (WE) and reference electrode (RE), while electrons
flow between the counter electrode (CE) and the WE with the higher or lower electrochemical
potential through the potentiostat, as depicted in Fig 4A. A voltammogram typically plots the
resulting current (i) on the y-axis and the applied potential (E vs. the RE) on the x-axis. There
are two primary processes depicted in the figures: one is the Faradaic process involving electron
transfer (Fig. 4B) and the other is a non-Faradaic process without any electron transfer (Fig.
4C). In the absence of an electrochemical reaction, the electron flow cannot pass through the
electrode-solution interface, resulting in a CV without any Faradaic current indicative of redox
reactions (Fig. 4C). At a given potential, there will exist a charge on the metal electrode, qM,
and a charge in the solution, q. The charge on the metal, q™, represents an excess or deficiency
of electrons and resides in a very thin layer (0.1 A) on the metal surface.®’: > The charge in
solution, q° , is made up of an excess of either cations or anions in the vicinity of the electrode
surface. At all times, g™ = - ¢5.°! When E is scanned positively (the green line in Fig. 4B), the
number of electrons decreases at the working electrode, resulting in a deficiency of electrons
on the surface and a corresponding net positive surface charge. Conversely, when E is scanned
negatively (the red line in Fig. 4B), the number of electrons increases, leading to an excess of
electrons on the surface and a corresponding net negative surface charge. These positive or
negative surface charges attract counterions to the electrode surface through electrostatic
interactions. This process of physisorption is referred to as a non-Faradaic process, as illustrated

in Fig. 4C.

In addition to non-Faradaic processes, there are also Faradaic processes that involve
electron transfer between the working electrode and a reactant. Let us consider the
electrochemical reaction of a species A from the solution, which has molecular orbitals (MO)

including the highest occupied MO (HOMO) and the lowest unoccupied MO (LUMO). If the
9
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Fermi level of the electrode is positioned higher than the HOMO but lower than the LUMO, no
electron transfer occurs between the electrode and species A. However, by increasing E
positively, a thermodynamic driving force is created, causing the energy level of metal electrons
to gradually decrease until it becomes lower than the energy of the HOMO. At this point, a
favorable condition is established for electrons to flow from species A to the electrode, resulting
in the oxidation of species A (A —» A* + e™). Conversely, if we decrease E negatively, the
energy level of electrons gradually increases and becomes higher than the LUMO. In this
scenario, electrons flow from the electrode to species A, leading to the reduction of species A
(A+ e~ — A7). The redox equilibrium of species A is described by the Nernst equation (eq 1).
This equation establishes a relationship between the potential of an electrochemical cell (E),
the standard potential of species A (E°), and the relative activities of the oxidized (Ox) and

reduced (Red) forms of the analyte at equilibrium. The Nernst equation is expressed as follows:

(0x)
(Red)

° RT
E=E+=n (1)

Where R is the universal gas constant, T represents the temperature in Kelvin, n is the

number of electrons involved in the redox reaction, and F is Faraday's constant.

To gain a better understanding of the relationship between the resulting current and the
potential change in a cyclic voltammogram, let us consider the example of the reduction of
ferrocenium (Fc¢") to ferrocene (Fc) (Fe=[Fe(Cp2)]; Cp = cyclopentadienyl). Fig. 5H illustrates
a typical cyclic voltammogram for a solution of F¢' undergoing a reversible one-electron
reduction to Fc. The Nernst equation for the reaction Fc* + e~ = Fc can be represented as

follows:

[Fct]
[Fc]

° RT
E=E+=In 2)

Changes in the applied potential at the electrode-liquid interface affect the equilibrium
ratio of Fc+ and Fc, as determined by the Nernst equation. However, a different behavior
emerges in the solution, where the Fc+:Fc ratio is governed by diffusion kinetics. Specifically,
as the applied potential becomes sufficiently negative, the oxidized species (Fc+) present will

undergo reduction at the electrode surface. This reduction leads to a diminishing concentration

10
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of Fc¢" near the electrode, as illustrated in the concentration-distance profiles depicted in Fig.
5(A-G). This phenomenon is mirrored in the voltammogram by a peak in the current (ip),
succeeded by a decline in the current flow as the potential is further scanned negatively.
Consequently, a concentration gradient is established, necessitating the transport of the oxidized

species from the bulk solution to the electrode surface to enable additional current to flow.
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Fig.4 Cyclic voltammetry (CV) measurements. (A) Schematic of a typical three electrode
electrochemical set up with the appropriate symbols used for Working Electrode (WE, O),
Counter Electrode (CE, 1) and Reference Electrode (RE, arrow). (B) Representative CV
illustrating electron transfer within a battery system. (C) Exemplary CV depicting for a physical
capacitor behavior devoid of electron transfer. (D) Representation of Faradaic oxidation and
reduction process of species (chemical processes with electrons transfer) in solutions with the
change of applied potential of electrode. The molecular orbitals (MO) of species shown are the
highest occupied MO and the lowest vacant MO. (E) Representation of a Non-faradaic process
driven by electrostatic forces arising from extra positive and negative charges at the surface. B

and C adapted from Reference .

In cyclic voltammetry, the speed of a redox reaction is governed by the sweep rate (v, mV
s™). Taking into account the difference in kinetic limitations, the current response to the sweep
rate (v) depends on whether the redox reaction is diffusion-controlled or surface-controlled.®*
%5 If a redox reaction is controlled by the semi-infinite diffusion process, the current response
varies with v1/2(eq 3) (Fig. 6A).> ® Diffusion controlled redox reactions encompass a wide
range homogeneous electrochemical catalytic processes, and voltammograms prove accurate

kinetic information to investigating their kinetics.

Iy = av'/? (3)

I(V) = av (4)
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A
C
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0
0 d
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Fig. 5 (A—G): Concentration profiles (mM) for F¢* (blue) and Fc (green) as a function of the
distance from the electrode (d, from the electrode surface to the bulk solution, e.g. 0.5 mm) at
various points during the voltammogram. (H): Voltammogram of the reversible reduction of a
1 mM Fc* solution to Fc, at a scan rate of 100 mV s™!. (I): Applied potential as a function of
time for a generic cyclic voltammetry experiment, with the initial, switching, and end potentials

represented (A, D, and G, respectively). Adapted from Reference °.

If a redox reaction is limited by a surface reaction wherein diffusion does not play a role,
the current would vary directly with v (eq 4) (Fig. 6B).%* % Such surface redox reactions are
referred to as pseudocapacitance, which was introduced in the early 1960s to describe surface
Faradaic process such as underpotential deposition and hydrogen adsorption.’® It was later
extended to energy storage in the early 1970s when researchers observed that thin films of
hydrous RuO: cycled in an acidic electrolyte exhibited cyclic voltammograms resembling those
of capacitors, while single-crystal RuO2 did not exhibit such behavior.*® Since then, more and
more examples of pseudocapacitance behavior have been identified including (1) redox
reactions (2), intercalation of cations (3), doping and de-doping in conductive polymers (4) and
underpotential deposition of metals (Fig. 7).®® Especially the discovery of surface redox
reactions has opened up a new world of opportunities to enhance the specific capacitance of

various energy storage systems.

Y Diffusion controlled redox reaction Surface redox reaction
Product .
e
e Mass transfer I, o /v T—;O I, xv
Reactant
Diffusion limitation No diffusion limitation

Fig. 6 (A) Schematic representation of a diffusion controlled redox reaction and its

electrochemical response in which the peak current (Ip) varies with the square root of the scan
rate (vv). (B) Schematic representation of surface redox reaction and its electrochemical

response that shows the peak current (Ip) varies with the scan rate (v).

13
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Fig.7 Different types of redox mechanisms that give rise to pseudocapacitance. (a) Redox
pseudocapacitance, as in RuO2¢xH20. (b) Intercalation pseudocapacitance, as in Nb20s. (c¢)
Doping pseudocapacitance, as in polypyrrole and (d) underpotential deposition based
pseudocapacitance, as in the deposition of lead on the surface of a gold electrode. Adapted from

Reference .

The complexity of a redox reaction is also reflected in the electron transfer mechanism.
For an electrochemical reaction, especially a multielectron reaction process, the reaction
process involves various intermediates. Let us consider the oxygen reduction reaction (ORR)
as an example. The ORR process involves different oxygenated intermediates, such as OH™,
HO;, 05 and 05 . On basis of whether oxygen directly adsorbs on the catalyst, the ORR
process can be simply separated into a surface-dependent inner-sphere electron transfer
mechanism and a surface-independent outer-sphere electron transfer mechanism.®’ In the inner-
sphere reactions, Oz binds to the electrode surface and the electrons are transferred directly
from the material surface to the specifically adsorbed intermediates, as shown in Fig. 8a. In this
case, the ORR kinetics are mainly governed by the binding energies between oxygenated
intermediates and the catalyst.®® In outer-sphere reactions, no chemisorption of oxygen takes
place, and the ORR must involve electron tunneling across the solvent layer, which separates

the oxygenated intermediates from the electrode surface, as shown in Fig. 8b. While numerous

14
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in situ spectroscopic techniques can aid confirming the presence of intermediates, the question
of whether these species remain in solution or undergo adsorption onto the electrode surface

remains a subject of ongoing debate.*’

Electrode
+ o+
L L

M+
Water Oxygen Alkali M+

cation

Hydroxyl
species

Fig. 8 Schematic illustration of the double-layer structure during the oxygen reduction reaction

(ORR) in alkaline media. Insets illustrate inner-sphere (a) and outer-sphere (b) electron transfer

processes. Adapted from Reference 7°.

The complexity of voltammetry stems from the coexistence of various species at the
electrode-solution interface, each exhibiting complex non-Faradaic and/or Faradaic processes.
The measured E-I relationship in voltammetry represents a combination of all these processes,
involving intricate theories. However, despite its complexity, voltammetry at solid electrodes
has rapidly become one of the most widely used electrochemical methods, primarily due to
significant advancements in the chemical analysis.?® A key advantage of solid electrode

voltammetry is its seamless integration with other techniques, facilitating the development of

71,72

diverse in situ methods, such as steady-state mass transfer study at rotating electrodes, in

73, 74

situ spectroscopic methods, scanning electrochemical microscopy,”” in situ mass

76, 77

spectrometry,®® in situ quartz crystal microbalance techniques, in situ atomic force

15
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microscopy,’® et. al. These integrated approaches provide invaluable insights into the complex

microscopic phenomena taking place at the electrode-interface.
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Fig. 9 (A) Steady-state mass transport at the Rotating Disk Electrode (RDE) conveys material
from the bulk solution towards the disk. The Levich equation predicts the limiting current (iLp)
observed as species A is reduced to B. (B) Mass transport at the Rotating Ring-Disk Electrode
(RRDE) first conveys species A from the bulk solution to the disk electrode where it is reduced
to B. The species B is swept to the ring electrode and detected as an anodic current as it is
oxidized to C. In some systems, as B transits from the disk to the ring, it may undergo a
competing side reaction in solution, lowering the observed ring current. The RRDE may be

used to probe the kinetics of such side reactions. Adapted from Reference 7.

One of the most important advances in solid electrode voltammetry is the investigation of
the hydrodynamic behavior of a reaction at the interface by performing voltammetry with a
rotating disk electrode (RDE). The RDE methodology was first introduced by Levich and his
colleagues.”” When the potential of the RDE is maintained at (or swept to) a sufficiently
negative value, the cathodic current is limited solely by the rate of mass transport of species A
to the disk surface in presence of a proficient catalyst (Fig. 9A). Under these conditions, an
expression for the limiting current (iyp), known as the Levich equation, can be written as

follows:
16
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iLD = 0'62nDF(nrlz)C;Dj/SU_l/éw1/2 (3)

Where F is the Faraday constant, r1 is the radius of the disk electrode, C; is the
concentration of the electroactive species A in the bulk solution, Da is the diffusion coefficient
of the electroactive species, v is the kinematic viscosity of the solution, and w is the angular
rotation rate of the disk electrode. Levich’s development of the rotating disk electrode (RDE)
was highly significant as it offered an experimentally reproducible and mathematically well-
defined method for electrochemists to precisely control the rate at which an electroactive
species reaches the electrode surface. This technique has been instrumental in advancing our

understanding of mass transport phenomena and reaction kinetics at solid electrode interfaces.”"
80

Additional important hydrodynamic voltammetry technique involves using a rotating ring-
disk electrode (RRDE), which is very similar to a RDE.”?> The main difference is that the RRDE
includes a second working electrode in the form of a ring surrounding the central disk of the
first working electrode. In the RRDE experiment, the convection-diffusion mass transport can
carry a portion of the products generated at the disk electrode to the ring electrode, as illustrated
in Fig. 9B. For instance, in the case of a species A being reduced to B at the disk electrode (4 +
npe~ — B), the limiting cathodic current at the disk is given by the Levich equation (Eq. 3).
An anodic half-reaction may be used to detect B as it arrives at the ring electrode (B — C +
nge~). The anodic limiting current at the ring electrode (i;z) can be expressed in terms of the

cathodic limiting current at the disk electrode (i, ) as follows:

g = —iip(Mr/Np)Npmax (4)

Where N, ., is the maximum theoretical collection efficiency, which is a unitless value
indicating the fraction of material from the disk that is theoretically expected to arrive at the
ring.*’ This value of N,,,, is influenced by the geometric characteristics, such as the shape and
size, of the ring and disk electrodes. As long as the electron transfer kinetics are suitably rapid
and concentration-dependent, the collection efficiency is primarily governed by the geometric
factors of the electrodes, regardless of the specific electrochemical reactions taking place. The

key point is that N,,,, is determined solely by the physical dimensions of the electrodes and is
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not influenced by the electrochemical processes themselves. The ring-disk geometry provides
a distinctive approach to investigate the behavior of unstable catalytic intermediates, enabling

in situ monitoring as a direct function of the applied reaction conditions.
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Fig. 10 Selection of in situ characterization of the electrochemical interface of relevance for the
ORR: (a) Schematic representation of a selection of techniques that provide an in situ insight
into ORR electrocatalysts: in situ optical spectroscopy, electrochemical methods combined with
mass spectrometry, electrochemical scanning probe microscopy and in situ X-ray
characterization techniques. (b) Correlation of CO stretching from in situ FTIR with the ORR
activity of Pt-Ni nanoparticles. (¢) Pt(111) oxidation and catalyst roughening probed by in situ
GI-XRD. (d) Electrochemical flow cell combined with ICP-MS monitoring the Pt/Ni
dissolution during dealloying of Pt-Ni nanoparticles. (e) In situ STM images and CVs of a

Pt(111) electrode surface during oxidation-reduction cycles. Adapted from Reference 8!.

Another important advantage of solid electrode voltammetry is the ability to trace formed
intermediates of electrochemical reactions in situ and identify the active phase of catalysts at a
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particular applied potential by combining it with various techniques. To date, there are
numerous advanced in situ electrochemical characterization techniques that enable probing the
electrode-interface at the atomic and molecular level, as depicted in Fig. 10. These techniques

73,74 5

in situ mass spectrometry,*® scanning probe microscopy,” ’®

include in situ spectroscopy,
in situ synchrotron studies,®' and in situ quartz crystal microbalance (QCM).”® 77 The
integration of these in situ electrochemical techniques is pivotal in yielding valuable insights
into the intricate relationships between a material’s structure and its reactivity, as well as the

underlying mechanisms of reactions.

In the context of this thesis, our focus will primarily be on elucidating the principles of the
electrochemical quartz crystal microbalance (EQCM) to illustrate the seamless synergy
between voltammetry and quartz crystal microbalance (QCM) technology. The potential
usefulness of QCM as a mass sensor was first demonstrated by Sauerbrey in 1959. The
technique relies on acoustic wave devices based on piezoelectric resonators whose frequency
responses are related to the mass change per unit area at the QCM surface.®? According to the
Sauerbrey equation (Eq. 5), a mass change (Am) at the surface induces a shift in the resonance
frequency (Af) of the QCM, enabling the detection of sub-monolayer weight changes, as

illustrated in the Fig. 11.%3

Am = —C,Af (5)

Where C,, is the proportionality constant that depends only on the properties and

dimensions of the quartz crystal resonator.
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Fig. 11 Schematic cross-section of a quartz crystal showing thickness sheer oscillation overlaid
with the fundamental resonance wave (a), the change in oscillation resonance frequency (/A f)

when a rigid mass adsorbs to the surface (b) and front and back view of a quartz crystal with

wrap-around electrode typically used for liquid measurements (c). Adapted from Reference .

The applicability of the QCM was extended to liquid based systems by Nomura and
Okuhara in their publication in 1982, sparking the development of the EQCM for the field of
interfacial electrochemistry.® Initially, QCMs were mainly used as thin film deposition
monitors to control the film thickness. However the combination of electrochemistry and QCM

operation has opened up new insights into interfacial electrochemical processes.® 8

For a long time, directly uncovering whether a reaction process is homogenous or
heterogenous has been a challenge.’ ®> Although spectroscopic evidence can confirm the
existence of different types of intermediates at the electrode interface, it remained unclear
whether the formed intermediates remained in solution or in an adsorbed state on the catalyst.®’
The EQCM technique allows for the in situ measurement of mass changes occurring at the
electrode as the applied potential is scanned during a CV experiment. For a homogenous
reaction process, the mass response shows no significant change during different CV cycles,
whereas an experiment in which a heterogeneous deposit is formed, the mass response shows a
significant increase with the number of CV cycles or time in an amperometry experiment, as
shown in Fig. 12. This capability of EQCM offers valuable information to distinguish between
homogeneous and heterogeneous electrochemical processes at the electrode interface. However,
for an extended period, any alteration in the oscillation resonance frequency of EQCM was
often simplistically attributed solely to electrochemical deposition on the surface.®’
Nevertheless, numerous researchers have discovered that the calculated mass change derived
from frequency changes can exceed the theoretically expected maximum amount of
electrochemical deposition in electrolyte solutions,’® %% The underlying reasons for this
phenomenon are believed to be associated with variations in solution viscosity and density
resulting from shifts in the applied potential.¥® The precise quantification of these effects

remains elusive, consequently constraining the accuracy of EQCM measurements.
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While measuring potential (E) and current (I) might seem straightforward, confirming the
precise factors responsible for the alterations in the E-I relationship in voltammetry is
challenging. Fortunately, the development of in situ electrochemical methods has allowed us to
gradually unveil the rich and mysterious information hidden within the voltammogram. These
advanced techniques provide valuable insights into the intricate processes occurring at the
electrode-interface, shedding light on the underlying mechanisms and revealing the intricate
dynamics of electrochemical reactions. As a result, the voltammetry technique has become even
more powerful and informative, playing a pivotal role in advancing our understanding of

electrochemical processes and catalysis in various applications.
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Fig. 12 Difference in the EQCM resggzts‘a(‘ew‘g?: deposition formed from the precursor
[Ir(Cp*)(OH2)3]SO4 (top) and formation of a homogeneous catalyst from the precursor
[Ir(Cp*)(pyalc)(CF3COO)] (bottom).T The currents are depicted in black and the mass trace in
blue. Cp*=pentamethylcyclopentadienyl; pyalc = 2-(2'-pyridyl)-2-propanolate. Adapted from

Reference .
1.5 Remaining challenges in Voltammetry
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Although the progress of in situ techniques has certainly enriched our comprehension of
electrochemical processes, the fundamental challenges of understanding Faradaic and non-
Faradaic currents in voltammetry persist within the broader context of energy convection
systems. This thesis will concentrate on addressing the two most important fundamental

questions in the realm of voltammetry.

The question one: What is the relation between the applied potential and the surface

charge, and the structure of both the surface and surface-liquid interface?

The relation between the applied potential and surface charge

In an electrochemical reaction, the electrode potential serves as the driving force for the
electrochemical process.®? As the net surface excess charge changes through the potentiostat
during positive or negative scanning of the potential, the electrochemical potential of the
electrons on the working electrode either increase or decrease accordingly. The change in
potential leads to a redistribution of ions, resulting in the formation of an electric double layer
(EDL) at the interface between the electrode and the surrounding solution.®! The EDL formation

is an example of a non-Faradaic process, as shown in Fig. 4C.

A crucial concept in understanding the excess charge and potential effects at the electrode
interface is the potential of zero charge (PZC). The PZC is defined as the potential at which no
net excess charge exists on the electrode surface, but it is essential to recognize that the PZC is
significantly influenced by the surface characteristics and material properties of the electrode.””-
%2 Initial insights into the concept of excess charge and the PZC were obtained from
measurements of the surface tension at mercury-electrolyte interfaces, as depicted in Fig. 13A.%
In these surface tension measurements, the liquid mercury electrode provides a clean and well-
defined surface structure, and a wide potential range where only non-Faradaic processes occur.
The PZC is identified as the potential at which the surface tension is maximal (Fig. 13B).”

However, conducting such surface tension measurement is not feasible at solid materials.
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Fig. 13 (A) The surface leveling phenomenon when a double layer is formed on the surface of
a mercury drop. The figure illustrates the scenario with a negatively charged surface. (B)
Electrocapillary curve of the dropping mercury electrode (DME), where Epzc is the potential of

zero charge, and ypzc is the surface tension at the Epzc. Adapted from Reference 4.

Variations in the surface excess charge will induce a redistribution of ions, resulting in the
non-Faradaic currents that can be observed in a CV. Electrochemical capacitance measurements
calculated from the current responses in a voltammogram have played a crucial role in
understanding the electrochemical interface structure on the electrode surface, particularly for
solid electrodes. For example, in a voltammetry measurement, a differential capacitance (C) is

determined using the following equation:

C=— (6)

VXS

where 1 is the current (A), v is the scan rate (V/s) and S is the electrode surface (m?). Based
on the research of the differential capacitance, the classical model for EDL known as the Gouy-
Chapman-Stern (GCS) model was developed and show in Fig. 14.%> % In the GCS model, the
total capacitance of the electric double layer (Cacs) can be divided into two components: the
inner layer or Helmholz capacitance (Cn) and the diffuse layer or Gouy-Chapman capacitance
(Cao):

11,1

Cécs Cu  Cgc
In a measurement to determine the non-Faradaic current, there is a key premise that the

current observed in the voltammogram should be entirely attributed to non-Faradaic currents.
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Non-Faradaic currents are electrostatic in nature and result from the adsorption or desorption
of ions from the electrolyte solution onto the electrode surface without any involvement of
electron transfer processes.

Helmholtz
Layer Diffuse Layer Bulk

Cation

€r

Fig. 14 Schematic representation of the electrical double layer at a planar electrode according
to the GCS model. Anions are displayed in yellow, and cations are in orange. They are

immersed in a dielectric continuum of relative permittivity .. Adapted from Reference *°.

(a) Ideal non-polarizable electrode (b) |deal polarizable electrode

E E

Fig. 15 Polarization behaviors of (a) an ideal non-polarizable electrode and (b) an ideal
polarizable electrode (red lines). Blue dotted lines indicate that the practical electrode deviates

from the ideal situation beyond a certain current or potential range. Adapted from Reference *’.
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Polarization is defined as “the divergence of the electrode (or cell) potential (E) from its
equilibrium value (Eeq) for a cell or electrode possessing a distinct equilibrium potential” ,
according to the dictionary of electrochemistry.”® In the context of voltammetry, the process
can be considered as a potentiostatic polarization, i.e. driven by the potentiostat. Fig. 4B and C
illustrates two ideal current responses that an electrode may have when the applied potential is

changed.

An electrode that exhibits no charge transfer across the electrode-solution interface during
polarization is referred to as an ideal polarized electrode (as indicated in the red line of the Fig.
15b). Its behavior is analogous to that of a capacitor (Fig. 4C). Under this scenario, where the
capacitance remains constant, the current response maintains constant, resulting in the
manifestation of a rectangular shape of the CV, governed by the relationship wherein the current

is directly proportional to the scan rate (Eq. 8).
I=Cxv (8)

Moreover, a consistent current flows until a sufficient amount of charge (q) has
accumulated to be balanced on the charge of the electrode surface, following the equation (Eq.
9).

dg _
==-C 0

In reality, a solid electrode is more complex, both in terms of physical and chemical
characteristics of the electrode surface, including the crystallographic orientation, surface
defects, surface roughness, the presence of adsorbed species, and any modifications or
coatings.®"* ® When the potential changes, various chemical processes, including electron
transfer from the electrode structure to electrolytes and solvents in the solutions, can alter the

current response in the potential region of polarization.

The concept of an ideal non-polarized electrode is therefore a hypothetical one,
representing an electrode where a Faradaic current can flow freely without any change in
potential from its equilibrium value. In this scenario, where there is no diffusion, the electrode

reaction is considered to be infinitely fast, resulting in an infinite current density (as indicated
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in the red line of the Fig. 15a). However, this ideal situation is not achievable in reality. When
the potential continues to change, the surface concentration of the reactant must decrease,
leading to an decreased flux of electrons towards the surface. Eventually, depletion effects of
reactant come into play, and an infinite current response for an ideal non-polarization process
becomes impossible. In practical terms, no electrode can be truly non-polarizable, as there will
always be some limitations and factors that influence the electrochemical processes at the
electrode-solution interface. The actual behavior of a solid electrode lies somewhere between
the ideal polarized and ideal non-polarizable scenarios (as indicated by the blue dots in the Fig.

15).%7

One of the challenges in electrochemical measurements is the difficulty of separating the
non-Faradaic current arising from the electric double layer (EDL) from the Faradaic current
caused by reactions that involve charge transfer. When a redox reaction occurs, the resulting
Faradaic currents will be entangled with the non-Faradaic current of the EDL. As a result, it
becomes challenging to precisely determine the exact potential of zero charge (PZC) and how
the excess charge that has accumulated on the electrode surface changes, as the real EDL
capacitance is unknown. Over time, researchers have developed more complex
physicochemical models by considering various factors in addition to the classical Gouy-
Chapman-Stern (GCS) model.”® These factors include the field-dependent orientation of water
molecules, the discreteness of adsorbed ions, and quantum effects of metal electrons.®!: %> 100
However, attempts to obtain perfect or even satisfactory fits of the capacitance by adjusting
multiple factors can easily lead to overfitting, if the model becomes too complex, and thereby
loses any predictive accuracy in the process. To allow for sufficient experimental data to
calibrate these models on, it is essential to perform precise experiments that directly trace the

change of the excess charge on the electrode surface without being influenced by chemisorption

or chemical reactions.

Discovering novel in situ techniques or exploring the potential applications of existing in
situ methods that allow for the direct observation and measurement of changes in the excess
charge on the electrode surface, that is separated from any current contributions from
chemisorption processes or redox reactions, is of utmost importance. Such methodologies
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would provide valuable insights into the intricate question “What is the relation between the

applied potential and surface charge?” Accordingly, this thesis tackles precisely such an

exploration of existing methods. These advancements would significantly enhance our
understanding of complex electrochemical processes and pave the way for more accurate

modeling and interpretation of electrochemical data.

Metal redox reaction

Metal Metal oxide

X X,

OO0

— — — =+ + + +

\ 4
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Fig. 16 Schematic representation illustrating three potential electrochemical processes
occurring when the potential changes on a metal electrode. X1 and Xz depict alterations in the
electrode surface between metal and metal oxide with changes in the applied potential. Y1 and
Y2 correspond to positive and negative excess charges, respectively, attracting counterions
electrostatically. Z1 and Z> signify the chemical adsorption and desorption process of ions,

respectively.
The structure of the surface and surface-liquid interface

The difficulties in comprehending the solid-liquid interface structure, where the solid
electrode interfaces with the solution, arise not only from the interplay between Faradaic and

non-Faradaic currents but also from the structural alterations occurring on the electrode due to
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the presence of chemisorbed electrolytes, solvents, and even concurrent corrosion or

passivation processes.> 1°1: 102 A]] these processes are influenced by changes in potential.

In a voltammogram, a solid electrode can undergo oxidation and reduction processes,
resulting in different regions based on the metal region (X1) and metal oxide region (X2), as
depicted in Fig. 16. Within both the metal region and the metal oxide region, there coexist
different electrostatic interactions (represented as Y1 and Y2) and various chemical adsorption
and desorption phenomena (represented as Z1 and Z2). Concerning the interface structure at the
metal region (X1), a significant challenge arises in quantification of the ion distribution at the
solid — liquid interface. This task is complicated by the difficulty of discerning between non-
Faradaic and Faradaic currents in CVs. To address this, the key lies in discovering a direct
analytical method capable of identifying the surface charge density, which plays a direct role

in governing the ion distribution at the interface.

In the realm of the interface structure, another challenge is the accurate identification of
the oxide structure in the oxide region (X2). The structure of the metal oxide can be highly
diverse depending on the specific environment and continuously changes under different
electrochemical conditions.!”? These structural variations contribute significantly to the overall

complexity of comprehending the electrochemical interface structure.

The question two: How does the structure of the solid-liquid interface affect catalytic

activity?

Due to climate change and depleting petroleum supplies, the development of energy

103, 104 water electrolysis, ' batteries and

conversion technologies, such as fuel cells,
pseudocapacitors,’ 3% 63 and CO2 to fuel conversion,'% %7 has become increasingly important.
The efficiency of these energy conversion systems is largely determined by catalytic processes
involving oxygen, namely the oxygen evolution reaction (OER) and the oxygen reduction
reaction (ORR), which are known to be sluggish reaction that limit the performance of
electrolyzes and fuel cells respectively.!® 19 Reversibility refers the ability of a chemical
reaction to proceed in both the forward and reverse directions under the same conditions. A

reversible reaction implies that when the potential is changed in one direction, the reaction
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proceeds, and when the potential is reversed, the reaction goes backward. Reversible reactions
allow the system to efficiently convert between chemical and electrical energy with minimal
losses. Fig. 16 illustrates the half-cell reactions and steady-state polarization curves for the
hydrogen evolution reaction (HER) and hydrogen oxidation reaction (HOR) as well as the ORR
and OER. It is evident that the catalytic reactions involving oxygen are far more irreversible
than hydrogen catalysis, as achieving desirable reaction rates for OER and ORR requires

significant overpotentials, even in presence of the best-performing electrocatalysts.!!”

Decades of research on the ORR and OER have not fully elucidated what makes a good
catalyst. One significant discovery from computational chemistry community is that the optimal
binding strength of oxygen-containing species is crucial for high electrocatalytic performance,
aligning with the Sabatier principle, a primary paradigm of heterogeneous catalysis. Rossmeisl,
Norskov and others have found that the adsorption energies of these intermediates follow a
linear scaling relationship.'!!: "> While computational chemistry provides valuable insights,
contradictions often arise between theoretical predictions and electrochemical experiments.
Some solid materials with weak oxygen binding energy exhibit excellent oxygen catalysis
under specific conditions, while scaling relations would predict low activities.®”>3% '3 Gold, for
instance, known for its inertness, binds oxygen relatively weakly. It indeed demonstrates poor
activity for OER and ORR in acidic solutions, yet becomes an excellent catalyst for these

reactions in alkaline solutions.”®

The intricacy of electrocatalytic activity cannot be exclusively attributed to the individual
properties of the material, but rather emerges from the combined characteristics of the entire
interface environment. This includes the electrode material, the solvent and electrolyte present
in the solution, and the structure of the solid-liquid interface. Each of these interactions can
affect the electrode surface, thereby exerting a profound influence on the course of the reaction
process. Traditional electrochemical theories, like the empirical Butler-Volmer theory, offer
limited insights into how the precise solid-liquid interface structure affects the catalytic
performance of the electrode in real environments.'® It is therefore crucial to undertake
fundamental investigations to understand how the structure of the solid — liquid interface of
catalytic materials influence the catalytic performance. The success of such investigations is
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fundamentally rooted in a profound understanding of the interfacial structure, as sought in the
first research question. Given the dynamic changes in the catalyst structure during catalytic
processes, a genuine representation of the surface structure of the catalyst remains elusive.
Similarly, identifying which interactions at the surface-liquid interface hold significance
remains a challenge. The existing models, although built upon simple principles predicting
scaling relations, are limited in their capacity to elucidate strategies to circumvent these
relations. The lack of clear insights into structure - activity correlations underscores the
necessity for more comprehensive research, spanning fields such as electrochemistry and

materials science, conducted under conditions that mirror real-world scenarios.

Our aim is to gain a profound understanding of the intricate interplay between electrode
materials and the complex electrolytic environment within the context of electrocatalytic
reactions. This holistic perspective is crucial for uncovering the underlying mechanisms,
establishing correlations, and ultimately bridging the knowledge gap that hinders the
development of efficient and effective catalytic processes.

HOR:H, >2H"+2¢ OER:2H,0—-0,+4H +4¢

L 4

0V vs RHE |diffusion-limited
current

1.23 Vvs RHE

HER:2H*+2¢ — H, ORR: 0,+4H*+4¢ —2H,0

Fig. 16 The polarization curves for two pairs of the key energy-related electrochemical
reactions and their overall reaction equations. Red and blue curves refer to the hydrogen-
involving and oxygen-involving reactions, respectively. The lines are not drawn to scale.

Adapted from Reference '%.

1.6 Structure of the thesis
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In this thesis, our attention will be directed towards addressing the two fundamental

questions outlined in section 1.5, i.e. What is the relation between the applied potential and

surface charge, and the structure of both the surface and surface-liquid interface? and How

does the structure of the solid-liquid interface affect catalytic activity?

To address the two research questions, we conducted an in depth investigation using CV
techniques on gold in solutions of varying pH, employing a range of different in situ
characterization techniques, such as in situ Surface-Enhanced Raman Spectroscopy (SERS),
rotating disk electrode (RDE) techniques, rotating ring-disk electrode (RRDE) techniques, and
electrochemical quartz crystal microbalance (EQCM) measurements. Gold, being the noblest
metal, is exceptionally well-suited material to carry out such studies and has historically played
a pivotal role in pioneering fundamental breakthroughs. Notably, gold’s unique properties,
including its status as the noblest metal and minimal strength of chemisorption of electrolytes
onto its surface, have been well-established.!'*!'® These attributes significantly simplify the

complexity of the interface structure when using gold as the material of choice.

Our study concentrated on the two core remaining challenges outlined in section 1.5,
beginning with a comprehensive investigation into the interface structure within the metal
region (X1) and the oxide region (X2), respectively. Drawing from the outcomes of these
investigations, we formulated various theoretical frameworks to elucidate how the interface
structure evolves as a function of various stimuli. Building upon the insights garnered from the
first research question regarding the interfacial structure, we were able to comprehend the pH-
dependent nature of the oxygen reduction reaction (ORR) and oxygen evolution reaction (OER)

activities, as well as the structural alterations accompanying these catalytic processes.

In Chapter 2, an in-depth exploration was undertaken to investigate the phenomenon of
“peak separation behavior” observed in CVs during gold oxide reduction. The phenomenon
involves a scenario where the reduction peak of gold oxide appears singular in an acidic solution,
but splits into two peaks in neutral and alkaline solutions. Historically, a conventional model,
known as the hydrous oxide model, was utilized to explain this behavior. This model attributed
the two reduction peaks to the reduction processes of the inner-monolayer and the outer hydrous

layer of the metal oxide surfaces, respectively. Despite its extensive use, the hydrous oxide
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model has its limitations, leading to inconsistencies. The central objective of this chapter was
to rigorously investigate the inconsistencies intrinsic to the conventional model concerning

inner and outer oxide films.

Through rigorous analysis, we initially identified a significant error in the convention
hydrous oxide model: On several occasions the a peak that should be attributed to the O2
reduction reaction on gold was misinterpreted as an oxide reduction peak, particularly in
alkaline environments. Additionally, we unveiled the existence of two distinct pH-dependent
oxides. The a oxide predominantly manifests in low-pH environments, while the B oxide
prevails in high-pH environment. Further study revealed that the two oxides are pivotal for the
oxygen evolution reaction (OER) and lead to different OER pathways. This oxide classification
was pinpointed by systematic tracing of gold oxide’s reduction behavior and conducting in situ
surface-enhanced Raman spectroscopy (SERS). This novel discovery of two pH-dependent
oxides enabled us to establish a more precise and accurate correlation between the observed

reduction peaks and the underlying oxide structures.

By thoroughly exploring the intricacies of the oxide reduction peaks across the entire pH
window, we not only challenged the established hydrous oxide model but also revealed the
presence of two pH-dependent oxides and their significance in the OER process. The utilization
of advanced in situ analytical technique — SERS — played a crucial role in unraveling the
complex oxide structure and forming a deeper understanding of the underlying oxide reduction

mechanisms.

In Chapter 3, we explored the intriguing "non-Nernstian behavior" characterized by
anomalous potential shifts in the oxide reduction peaks of CVs. Although this phenomenon had
been noted in various literature reports, it was commonly attributed to solution complexity, with
the underlying cause remaining enigmatic. Our study was aimed to uncover the true origin of

this behavior.

Our investigation commenced by establishing a direct correlation between the potential
shift of the gold oxide reduction peaks and the presence of Au’* cations within oxide layer.

Remarkably, this discovery not only unveiled the underlying mechanism for variations in oxide
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structure across different solution environments but also elucidated why the oxide structure
evolves during catalytic processes. The crucial factor lies in binding of formed Au*" cations to

the gold oxide.

Our exploration was facilitated by employing advanced in situ techniques, including
RRDE and EQCM. These tools enabled us to probe deeply into the intricacies of the amorphous
oxide structure within realistic catalytic environments. This pivotal discovery not only
demystified the elusive nature of the amorphous oxide structure but also offered a dynamic
perspective, providing insight into the evolving oxide structure. Furthermore, our findings
highlighted the interface changes driven by electrostatic interactions involving surface gold

cations, influencing the complex oxygen evolution reaction at the dynamic oxide interface.

The adept application of sophisticated methodologies like RRDE and EQCM allowed us
to unravel intricacies that were previously obscured, fostering a more clear understanding of
the intricate interplay among oxide structures, electrostatic interactions, and catalytic reactions

at the oxide interface.

In Chapter 4, our focus was dedicated to unraveling the intricate current response
behaviors within the electrochemical double layer region. This current encompasses both
Faradaic current, involving electron transfer, and non-Faradaic current, arising from
electrostatic interactions. For an extended duration, accurately identifying and quantifying these
two currents has posed limitations on our understanding of the surface charge, a factor that

directly influences the strength of the interfacial electric field.

Our investigation was centered on deciphering the connection between the current
response in cyclic voltammetry (CV) and the frequency response observed by quartz crystal
microbalance (QCM) measurements. A primary objective was to establish a quantitative
framework for determination of the surface charge, even in the presence of complexities

introduced by chemisorption and even the electrocatalytic oxygen reduction process.

Through our research, we devised a direct in situ method for both identifying and
quantifying the surface charge. This innovative approach marked a significant advancement in

our ability to unravel the interplay between the surface charges and the chemistry occurring at
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the interface. Moreover, this method enabled us to directly observe the dynamic changes in the

surface charge during the catalytic oxygen reduction reaction (ORR).

By systematically investigating the current response, we have not only enriched our
understanding of the dynamics within the electrochemical double layer but also developed a
potent toolkit for assessing surface charge variations across diverse electrochemical conditions.
This achievement offers a novel perspective to examine the relation between the surface charge
and the interface structure on gold, paving the way for more nuanced insights into catalytic

reactions, such as ORR, and their underlying mechanisms.

Throughout this thesis, a series of foundational insights regarding electrochemical signals
have been uncovered through discovered by a comprehensive integration of detailed CV
behavior investigations and various in situ techniques applied to gold electrodes. These
newfound insights provide a fresh standpoint, simplifying the comprehension of complex

interface environments.
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Chapter 2

Abstract

Accurately identifying the active species of catalytic materials and understanding how they
catalyze the oxygen evolution reaction (OER) are critical for the development of energy storage
technologies. In this contribution we identify two pH-dependent active oxides by mapping the
reduction behavior of gold oxide and by in situ surface-enhanced Raman spectroscopy. It was

found that a oxide# is preferentially formed in an acidic solution whereas B oxide, Au(OH)3, is

preferably formed in an alkaline solution. In line with the presence of two different surface
structures on gold, there are two OER mechanisms: one wherein water splitting occurs via
proton-coupled electron transfer (PCET) steps mediated by a oxide, and a mechanism wherein
electron and proton transfer are decoupled, and is mediated by a deprotonated form of Au(OH)s.
This identification of pH-dependent oxides offers a different perspective in our understanding
of the OER mechanism on metal oxides in a full pH scale range.

0 Cyclic voltammograms

pH1
—— pH 13|
o

-100 B

07 10 13 186
Potential (V) vs. RHE

Oley o2
e
~ B a oxide
Alkaline 4———pH ——p Acidic AuOOH

Gold electrode

# Note: In Chapter 2, we previously suggested that o. oxide could be AuOOH according to some literature.
However, upon further examination, we 've found that attributing AuOOH to o oxide is not reasonable, as it fails
to account for various behaviors of a oxide. Consequently, we have reverted to the more conventional structure
of gold oxide (Au:>03) in the subsequent chapters.

This chapter was published as a research article: S. Yang, D. G. H. Hetterscheid*, ACS Catal. 10, 12582-12589
(2020).
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Redefinition of the active species and mechanism of the oxygen evolution reaction on gold oxide

2.1 Introduction

More than two hundred and thirty years ago the first water electrolysis experiment was
carried out by evolving hydrogen and oxygen separately at two gold electrodes.!> 2 At present,
water splitting is considered as an ideal solution to the world’s renewable energy storage
problem.*> Using sunlight to split water into hydrogen and oxygen allows for the conversion
of solar energy to chemical energy. This energy can be converted back to electricity in a fuel
cell. It is widely accepted that one of the key bottlenecks in the overall water splitting reaction

is the slow kinetics of the catalytic water oxidation reaction taking place at the anode.

Metal oxides are considered the best and most stable electrocatalysts for water oxidation.*
67 In general oxidation mechanisms of noble metals involve three stages: (a) 2-dimensional
(2D) electrodeposition of OH and O species on the metal surface; (b) quasi-3D surface
reconstruction and place-exchange between the OH or O species and surface metal atoms; (c)
growth or thickening of the oxide film.® Further development of the oxide film formation
includes thin oxide films by stages (a) & (b) and thick hydrous oxide films by extension of
oxide growth beyond the monolayer lavel.” Those mechanistic models are not only crucial for
guiding catalyst design,'® !! but also for our understanding of the oxygen evolution reaction

(OER) mechanism on metal oxides.5 !2

The initial quasi-3D metal oxide formation proceeding via reconstruction and place-
exchange was identified not only on the basis of electrochemical behavior,® !* but was also
directly observed by atomic-resolution scanning tunneling microscopy and surface structure
analyses.!* 15 However, those in-situ observations and surface analysis techniques become less
useful in the discussion of thicker oxide film formation, because these metal oxide layers are
typically highly disordered.'® Despite the lack of an effective detection of the surface structure
of thicker oxide films, a concept of so-called hydrous oxide films involving thicker oxide
formation was put forward on the basis of the observation that separate reduction peaks can be
observed upon reduction of the metal oxide.® ° In those reports the separation of the metal oxide
reduction peaks was assumed to correspond to reduction of the inner-monolayer and the outer-

hydrous layer of the metal oxide surfaces, respectively.
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Chapter 2

In this article we return to gold, the electrode material originally used two hundred and
thirty years ago, and demonstrate that the model of inner and outer hydrous oxide films is
incorrect. We identify that different active species, whose formations are pH dependent, play a
role by combining the observed reduction behavior of gold oxide and in situ surface-enhanced
Raman spectroscopy. Identification of this pH-dependent oxide is critical in order to fully

understand the OER mechanism.

Atypical and conventional OER mechanism on a metal oxide surface involves four proton-
coupled electron transfer (PCET) steps at the oxide-electrolyte interface.” !” The PCET-OER
mechanism emphasizes the importance of optimizing the binding strength of reaction
intermediates on surfaces to get high OER activities, which allows one to make OER activity
predictions according to electronic structure parameters of the metal oxide.* '®* However the
PCET-OER mechanism is not necessarily correct in all cases. OER activities that depend on the
pH on the reversible hydrogen electrode (RHE) scale have been observed for various metal

oxides in alkaline environment,'*-?!

indicating that the OER process follows electron transfer
steps that are not coupled to proton transfer on those metal oxides. The origin of pH-dependent
OER mechanisms on the RHE scale has been revealed in recent years. For example, high-index
facets of polycrystalline surfaces on oriented RuO> surfaces,”? deprotonation of Ni-based
catalysts,”* and the covalence of metal-oxygen bonds in perovskites 2! can cause pH-dependent
OER activity on the RHE scale. Moreover, many other explanations regarding OER
mechanisms are only consistent in a relatively narrow pH range.® 2!: 23 Although the difference
in OER activity in acidic and alkaline solution is often related with the acid—base characteristics
of the surface,'” 2* lack of a clear explanation for these so-called “acid—base characteristics”
limits our understanding of water splitting in a full pH range. In this manuscript we show that
the mechanism wherein OER occurs on gold depends strongly on the surface structure of gold

oxide, and that proton and electron transfer are coupled under acidic conditions, whereas these

are decoupled during the OER at alkaline conditions.
2.2. Experimental section

2.2.1 General.

40



Redefinition of the active species and mechanism of the oxygen evolution reaction on gold oxide

All glassware was thoroughly cleaned to remove impurities by overnight submersion in an
aqueous 0.5 M H2SOs4 solution mixing with 6.3 mM KMnOs, followed by removal of excess
KMnOs on the glassware in diluted H2SO4 and H202. The glassware was subsequently rinsed
five times and boiled two times in Millipore MilliQ water (resistivity = 18.2 MQ cm). Prior to
electrochemical experiment, the glassware was boiled once in MilliQ water. Alumina
suspensions (1.0, 0.3, and 0.05 um) were obtained from Buehler. Electrolyte solutions were
prepared with Suprapur® (Merck) reagents and MilliQ water. pH measurements were done
using a Hanna Instruments HI 4222 pH meter which was calibrated using IUPAC standard
buffers.

2.2.2. Electrochemical measurements.

All electrochemical measurements were conducted with an Autolab PGSTAT 12, 204 and
128N potentiostats in combination with Autolab NOVA software and carried out in
conventional single compartment three-electrode glass cells at around 25 °C. A PEEK
encapsulated gold electrode (A = 0.0314 cm?, Metrohm) was used as working electrode, and a
gold wire was the counter electrode, while a reversible hydrogen electrode (RHE) was
employed as the reference electrode. Before every experiment the working electrode (the PEEK
encapsulated gold) was manually polished for 2 minutes with 1.0, 0.3, and then 0.05 um
alumina suspensions on Buehler cloth polishing pads, followed by sonication in MilliQ water
for 10 minutes. At the same time, the counter electrode (the gold wire) was flame annealed and
rinsed with MilliQ water. The reference electrode (RHE) consisted of a Pt wire was connected

via a Luggin capillary and continuously bubbled with Hz gas during measuring.

The concentration of electrolyte solution was kept at 0.1 M for different pH solutions from
pH 1-13 were obtained by mixing 0.1 M H2S04, NaOH and Na2SOa4. Unless stated otherwise,
pH 1-13 represent solutions with fixed pH value comprising H2SO4, NaOH or NaxSOs4 in this
article. Dissolved oxygen in solution was removed prior to measurements by aeration with
argon (purity grade 5.0) for at least 30 min. Argon was kept flowing above the solution during
experiments. The onset potential of OER is acquired by intersection of tangents between the

baseline and the rising current in the positive scan of Cyclic voltammograms, as shown in Fig.
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S1.% Tafel analysis was done at steady state conditions and was used to understand OER

reaction mechanism (see Fig. S10a&b).?
2.2.3 In situ surface enhanced Raman spectroscopy (SERS).

In situ surface enhanced Raman spectroscopy (SERS) was performed with a confocal
Raman microscope (LabRamHR, Horiba Yobin Yvon) with an Olympus 50 x microscope
objective, which was not immersed in the electrolyte, into a 5 um spot on the electrode surface,
which has been documented previously.®2’-2® Backscattered light was filtered by a 633 nm edge
filter, directed to the spectrograph and to the detector. With this configuration, a resolution of
1.2 cm™ was obtained.” The electrochemical SERS experiments were made with an Ivium
potentiostat/galvanostat (IviumStat). Figure S2 shows a schematic diagram of the
electrochemical setup for in situ surface-enhanced Raman spectroscopic measurements. Each

SERS was acquired with the accumulation of 100 scans with 1 s collection time.

A roughened gold surface was used as the working electrode. The working electrode was
mechanically polished to a mirror finish using alumina with different grain size to 0.05 pm,
rinsed with MilliQ water and sonicated for 15 min to remove all residuals of mechanical
polishing. Then the gold electrode was electrochemically roughened by 25 oxidation-reduction
cycles (ORC) in a 0.1M solution of KCI. The ORC were performed between -0.30 and 1.20 V
vs. the saturated calomel electrode (SCE), which were held for 30 s and 1.3 s, respectively. A
brownish surface was formed after roughening gold by this method.® *° The quality of Au
roughing can be visualized by a comparison of the current of the CV before and after Au
roughing, as shown in Fig. S3. SERS spectra were recorded at 1 V vs RHE and set as the
background signal and subtracted from further measurements in the same solution. Different
backgrounds were set for solutions of different pH (H2SO4, Na2SO4, NaOH). All data were

processed using Origin Pro 9.1.
2.3. Results and discussion

2.3.1 Inconsistencies in conventional models for the electrochemical redox behavior of

gold.
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In a typical cyclic voltammogram of gold (Fig.1a), the most notable oxide formation
response in the positive sweep is an extended plateau rather than sharp peaks, independent of
the applied pH. Formation of this plateau is attributed to the increased energy required to
generate additional oxide by gradual changes in the hysteresis of the oxidation potential
between Au and Au-OH species in the oxide layer.’! It is therefore difficult to investigate the
gold oxidation chemistry through this continuous oxidation process in the positive sweep. The
behavior of gold in the negative sweep is more indicative of the processes taking place at its
surface. Only one reduction peak can be detected in acidic solution, while the reduction peak
splits into two separated peaks upon increasing the pH. Stable gold oxide with a +III oxidation
state can be formed by the reaction (2Au + 3H,0 — Au,0; + 6H" + 6e~,EC = 1.46 V),
which is illustrated by the Pourbaix diagram of gold. Gold oxide with a +IV oxidation state can
only be formed at a very high electric field by the reaction (2Au + 4H,0 — 2Au0, + 8H' +
8e,EC = 4.14V).> 3 Consequently, Au(III) is the only oxidation state of gold present in the
gold oxide layers as was shown by ex situ X-ray photoelectron spectroscopy (XPS)** and in
situ extended X-ray absorption fine-structure (EXAFS) studies.*> Because only one oxidation
state (the trivalent) is involved, the presence of more than one reduction peak cannot be

explained by different oxidation states of gold.
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Figure 1. Electrochemical redox behavior of gold. a, Cyclic voltammograms (CVs) of gold
between 0-2 V vs. RHE at 50 mV/s in Ar-saturated 0.1 M H2SOs4 (red line), Na2SO4 (black line)
and NaOH (blue line). b. CVs of gold vs. RHE in Ar-saturated 0.1 M Na>SO4 solution. Scan
range of CVs: 0-2 V (black line); 0-2.7 V (pink dotted line); Black dotted line: gold was first
oxidized between 1.6-1.8 V vs. RHE for 200 s, prior to recording the CV between 0-2 V vs.
RHE in fresh 0.1 M Na2SOs solution.

On the basis of the “separated reduction peaks” that can be observed for gold, the concept
of hydrous oxide films was put forward last century.” *®37 The two main gold oxide reduction
peaks have historically been assigned to a compact inner monolayer oxide and a hydrous outer
layer oxide. In acidic solution the hydrous outer oxide layer was suggested to be thin enough
so that its reduction peak overlaps with the reduction peak of compact inner oxides. At higher
pH the thicker hydrous outer oxide layer was proposed to cause the reduction peak to split into
two peaks (Fig. 1a).’! The trivalent oxidation state of gold in all oxide forms has been regarded

as consistent with the inner- and outer-layer oxide model.
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Figure 2. Recognition of the y peak being associated with oxygen reduction. a, Cyclic
voltammograms (CVs) of gold vs. RHE at 50 mV/s with change of scan range in Ar-saturated
solution; The y peaks are amplified (by different multiples) to clearly show their position; b,
CVs on a gold rotating disk electrode (RDE) at 0 rpm between 0-2.2 V vs. RHE in Ar-saturated
pH 1 (red line), pH 7 (black line), and pH 13 (blue line). Green line: CVs of RDE with 3000
rpm at those different pH solutions.

However, there are major problems with the inner- and outer-hydrous oxide model. In a
CV of gold at neutral pH (Black line in Fig.1b), the relatively positive reduction peak
corresponds to the inner monolayer of oxide, named as a oxide, and another relatively negative
reduction peak is assigned to the outer hydrous oxide, named as  oxide. According to the
mechanism of hydrous oxide film formation, the o peak cannot disappear because it represents
the inner structure of the oxide layers. However, only the B peak, i.e. no a peak, can be detected
on an oxidized gold electrode, which is oxidized at 1.6-1.8 V vs. RHE in advance (Black dotted
line in Fig.1b). Moreover, when the upper limit of the positive scan is extended from 2.0 to 2.7

V (Pink dotted line Fig. 1b) the a peak increases to a huge reduction peak; this is not at all in
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line with the hydrous oxide film model, where the a peak should not change in magnitude

because it supposed to correspond to an inner monolayer.
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Figure 3. Identification of active gold oxides. a, Cyclic voltammograms (CVs) of gold in
different Ar-saturated pH solutions at 50 mV/s. The upper limit of CV is kept to the range of
potentials where gold oxidation occurs. b, CVs of of gold (RDE) between 0-1.6 V vs. RHE at
rotation rates with different Ar-saturated 0.1 M electrolytes: H2SO4 (red line), Na2SOs4 (black
line), NaClOs (grey line), NaOH (blue line). The exact change of the potential value as a

function of the rotation speed is shown in Fig. S4.

Figure 2a shows the change of CVs for gold with the increase of the upper vertex potential
in acidic, neutral and alkaline solution. A new reduction peak appears once the upper limit of
the voltammetry experiment was set above the onset potential of the oxygen evolution reaction
(OER). In order to further identify the y peak, the electrochemistry of gold was recorded in
acidic, neutral and alkaline solution with a rotating disk electrode (RDE), as shown in Fig. 2b.

It is clearly shown that the y peak disappears upon rotation, while the reduction peaks of gold
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oxide do not significantly change once O: is removed at a high rotation rate. This implies that
the y peak is the result of reduction of O2. Note that the y peak in alkaline solutions is often

31, 37, 38

misinterpreted as a B peak of gold oxide reduction in the literature, which makes the

discussion of the redox chemistry of gold much more complex.

In order to eliminate the interference of O2, CVs of gold were measured as a function of
pH by keeping the upper limit of CV at the potentials at which gold oxidation begins while still
below the onset potential of OER (Fig.3a). Both the o and 3 peaks were detected in all solutions
irrespective of the pH. The CVs in alkaline solution revealed that B oxide is formed first while
the applied potential is kept well below the reduction potential of a oxide; this is contrary to the
past hydrous oxides films model wherein the inner o oxide must form first. Furthermore, a
larger a peak was found in an acidic solution, while the B peak was significantly larger under
alkaline conditions. This implies that o and B oxides are two relatively independent forms of
gold oxide, whose formation is dependent on the pH. A similar result is obtained when the
solution was changed from a Na2SOs solution to a NaClOs solution, which means there is little

influence of the electrolyte (Fig. S5).
2.3.2 Redefinition of the active gold oxides.

The initial stage of gold oxidation has been extensively discussed in the past.® '
Hydroxide ion under alkaline conditions and water under acidic conditions, first chemisorb on
gold to form Au-OHags. The Au-OHads would continue to convert to Au(OH)s by place exchange
reactions between Au and OH". The initial gold oxide Au(OH)s formation is in good agreement
with DFT-based computational studies of the surface thermodynamics of electrochemistry of
gold.® Since Au(OH)s3 relies on place exchange reactions between Au and OH-, Au(OH)3
formation should be enhanced with increasing the pH. From a comparison of CVs at different
pH (Fig. 3a), the B peak therefore most likely corresponds to reduction of Au(OH)s. Actually,
gold(IIT) precipitations in alkaline media have been shown to correspond to Au(OH)s but not
Aw03nH20 according to XRD, TEM, Au Mossbauer spectroscopy, X-ray absorption
spectroscopy (XAS) and thermogravimetry /differential thermal analysis (TGA/DTA) studies.*”
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It is interesting to note that the reduction potential difference of a and B oxide is roughly
0.13 £ 0.01 V in both acid and alkaline solutions, but becomes more than 0.4 V in neutral
conditions (0.42V at pH 6.8). Therefore RDE experiments were conducted with varying rotation
rates (Fig. 3b). At 0 rpm there is a minor positive shift of the a potential and a clear negative
shift of the B peak in neutral solution compared to both acidic and alkaline media, irrespective
of whether Na>SO4 or NaClO4 was used as an electrolyte. The potential shifts of the a and
peaks in neutral media can be avoided upon increasing the rotation rates of the gold electrode.
At 3000 rpm, it is clearly shown that the peak positions of a and B oxide in neutral solution
coincide with the peak position of a in acid and the position of B in base. An effect of the scan
rate on the peak position of the reduction peaks was investigated (Fig. S6). Both oxide reduction
peaks show only a minor negative potential shift with increase of the scan rate. Their currents
are linearly dependent on the scan rate, which is fully consistent with the characteristics of an

irreversible oxide reduction process on the gold surface.

In situ surface enhanced Raman spectroscopy (SERS) was measured to further identify the
structure of a and B oxide. The potential-dependent vibrational spectra in 0.1 M H2SO4, Na2SO4
and NaOH solution are shown in Fig. 4b-d. The observed broad frequency bands at 530-565
cm’! are characteristic of the v(Au-O) vibration, which can be detected when the applied
potential is set above 1.35 V in H2SO4 1.45 V in Na2SOs4, and 1.2 V in NaOH., These oxidation
potentials are also consistent with the potential where gold oxidation occurs in LSV
measurements (Fig. 4a). The v(Au-O) vibration may point to oxide formation, though the band

is especially broad and its frequency is easily influenced, by e.g. absorption of the electrolyte.
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Figure 4. In situ Surface Enhanced Raman Spectroscopy (SERS) of gold oxidation. a, Linear
sweep voltammetry (LSV) for electrocatalytic water oxidation from 0.9 V to 2 V vs. RHE at 50
mV/s on gold electrode in Ar saturated 0.1 M H2SO4 (red line), Na2SOs (black line) and NaOH
(blue line) solution. b-d, SERS of gold oxidation in 0.1 M H2SOs4 (b), Na2SO4 (c¢) and NaOH
(d), respectively. Oxidation potentials were recorded on the RHE scale. Solid circles represent
the points where the v(Au-O) vibration becomes visible in 0.1 M H2SO4 (red circle), Na2SO4
(black circle) and NaOH (blue circle) solutions.(Fig. S7), and/or the applied potential.** The
wide Raman bands are most likely due to different coordination geometries and hydration states

of the gold surface.*!

The normal surface electro-oxidation of noble metals includes two steps: (i) initial
deposition of O or OH species; (ii) "oxide film” formation by place exchange with the surface

metal atoms and adsorbed oxygen species along with further electron transfer.® These two steps
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cannot be clear-cut distinguished. A band around 470-475 cm™ is assigned to the reversible
adsorbed OH" (Fig. 4c-d). The v(Au-OH") occurs around 400-450 cm™ in 1 M KOH according
to literature and shifts to higher frequencies at more positive potentials.*! A significant
frequency change from v(Au-OH") at 475 cm™ at 1.1 V to higher v(Au-0), 530-560 cm™!, with
more positive potential in NaOH indicates a change in the oxide formation process from step
(1) to step (i1). This is explained by yielding a strong ionic component to the Au-O bond energy
in the process of place exchange between gold and oxygen since these gold atoms would get a
more positive formal oxidation state.*! According to the Raman spectrum of bulk-phase solid
Au(OH)3, the v(Au-OH) vibration of Au(OH)s should be observed at 635 cm™.*! Interestingly,
the v(Au-OH) vibration of Au(OH)s at 635 cm! first occurs at 1.1 V in NaOH and has a minor
shift to 613 cm™ with higher oxidation potentials (Fig. 4d). Note that v(Au-OH) vibration at
613 cm’! also can be observed in a Na:SOs solution (Fig. 4c). This is consistent with the

occurrence of the  peak in CVs of gold (Fig.3) caused by the reduction of Au(OH)s.

In addition, the absence of an a peak in the CV in an NaOH solution (Fig.3a) is fully in
line with the absence of a signal around 800 cm™ in SERS experiments (Fig. 4d). Therefore, we
assume the Raman signals recorded at approximately 820 cm™! in perchloric media and at 790

cm’! in sulfuric media is related to o oxide (Figure S7).
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Figure 5 Reversibility of SERS of gold oxidation in 0.1 M Na2SOa. a, CV of gold electrode at
50 mV/s. b, SERS of gold oxidation in a positive scan and negative scan of CV.

In previous studies this band was found at values between 810 and 827 cm™ in perchloric
media.® % 42A minor shift of 3-4 cm™' was observed upon substitution of H20 for D>0.4% 42 A

significant shift of 74-77 cm™ was observed upon substitution of H2!°O for H2!%0 in previous
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isotope studies.® Furthermore, the assignment of bands around 820 cm™ to other forms of
oxygen associated with Au (e.g. superoxo, oxo, and hydroxy) was excluded based on a series
of DFT calculation.?” *? Therefore the signals in the range of 810 + 20 cm™' must be assigned
to O-OH stretching. The O-OH stretching appears simultaneously with the appearance of v(Au-
0) of gold oxide in a H202 decomposition experiment on gold nanoparticles.** Tian and co-
workers therefore claimed that the peak around 800 cm™ must be assigned to an O-O stretch of
an H-containing reaction intermediate, and not simply to an O-O stretch of peroxide.
Interestingly two independent research groups (Bell and Koper) have claimed that the
vibrational signal around 800 cm™ was observed at least 0.4 V less positive than the onset of
water oxidation in their in situ SERS experiments.® *° However, according to DFT calculations
of *OOH on gold and other metal oxides surface, the *OOH intermediate is the highest energy
intermediate and should rapidly decompose into O2.”-** An explanation is that peroxidic species
may exist within the oxide layer in acidic solution, which probably somehow related to a highly
non-ordered structure.'” However this still cannot explain the lack of an *OOH SERS signal in
a low oxidation potential range at alkaline solution. Thus far these Raman signals have not been
investigated in a full pH range. Koper and co-workers have put forward a more stable
oxyhydroxide (AuOOH) formation mechanism in acidic solution on basis of DFT calculations.
The oxyhydroxide is proposed an important role in the OER process. We therefore do consider
the possibility that a oxide may predominantly be an oxyhydroxide, which structure may
include *OOH species within oxide layer. In order to further confirm the relationship between
a oxide and v(OOH), an in situ SERS reversibility experiment was carried out in neutral
solution (Fig. 5), where the collection time of SERS signals were increased from 1 second to
10 seconds to trace the change of SERS. Here, v(Au-O) in the range of 500-620 cm™' and v(OOH)
at 790 cm™! can be detected once increase potential from 1 V to 1.9 V. When the potential is
decreased from 1.9 V to 1 V the v(OOH) will disappear, while some of the v(Au-O) signal
remains. At this potential of 1 V only B oxide can exist while a oxide is reduced. This confirms
that the signal around 800 cm™! does not simply represent surface-bound hydroperoxide species

as an intermediate of OER, yet somehow must be related to the existence of o oxide .
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Figure 6. pH-dependent oxide formation and OER activity on gold. a, CVs of gold electrode
showing the reduction peaks at 50 mV/s in different Ar-saturated pH solutions. Note that the
scan range is 0-2V vs. RHE. The y peaks are amplified (by different multiples) to clearly show
their position. The oxidative areas in the 1.5-2 V range of these CVs, showing the OER, are
shown in Fig. S8. b, The onset potential of OER (top) and the integrated charges of the o and 3
oxide reduction peaks at 50 mV/s in Ar-saturated solutions is plotted as a function of pH. The
error bars represent the standard deviation of three measurements. ¢-d, CVs of gold (RDE) at
50 mV/s in Ar-saturated 0.1 M H2SO4 (c) or NaOH (d) solution at different rotation rates: O rpm
(green line); 100 rpm (orange line); 1000 rpm (pink line) ; 3000 rpm (violet line); scan range is
0-2.2 V vs. RHE.

2.3.3 Two OER mechanisms leaded by two gold oxides.

Our results show that the structure of gold oxide is strongly dependent on the pH of the

solution: a oxide, is preferentially formed in an acidic solution; B oxide, Au(OH)s, is
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preferentially formed in an alkaline solution (Fig. 6a). As with the surface structure of gold
oxide, the mechanism of OER is also affected by the solution pH. The OER activity increases
with decreasing pH in the low-pH region and with increasing pH in the high-pH region (Fig.
S8). Very similar results have been obtained by Stahl and coworkers who revealed that different
cobalt based active species exist at different pH values and have investigated the OER
mechanism in a full pH region.?® Although such pH dependent species may exist on more metal
based catalysts, the lack of a clear understanding of the mechanism of pH dependent active
species limits the development of better OER catalysts in case of several more metal based

systems.

Figure 6b shows the OER onset potential and the integrated charges of the o and B oxide
reduction peaks in a full pH window. The pH environment can be divided into three different
regions: 1) The a region (pH lower than 4) in acidic solution; 2) The mixed region (pH from 4
to 10) in neutral solution; and 3) The P region (pH higher than 10) in alkaline solution. In the a
region, o oxide is the only oxide that can exist in a stable form. In this window the OER onset
potential is fixed at 1.84 V vs. RHE. This pH-independent OER activity on the RHE scale in
the a region implies that the OER process at o oxide proceeds via four proton-coupled electron
transfer (PCET) steps. In the mixed region, both o oxide and  oxide exist on the electrode
surface. The amount of the two oxides changes with the pH of the solution in this region. The
amount of o oxide decreases while the amount of B oxide increase with the increase of the pH.
Interestingly, the OER onset potential also increases with pH. This shows that 3 oxide is less
active for the OER than a oxide in this pH window. The OER activity level therefore strongly
relies on the existence of o oxide in this mixed oxide region. In the B region at high pH values,
only B oxide is present at the electrode surface. In this pH window the OER onset potential
gradually decrease with an increase of the pH. This means that the OER must be pH dependent
when catalyzed by B oxide, which implies that some of the proton and electron transfer steps
are decoupled in the OER process in the high pH region For a reaction, the proton transfer step
(PT) and electron transfer step (ET) will decouple if one of their activation energies is smaller

than the activation energy of the PCET process.'”.
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In order further evaluate the relationship between OER activity and the existence of oxides,
a series of Tafel plots are obtained for these different pH regimes ( Fig. S9, Table S1) In the a
region, all Tafel plots overlap with Tafel slopes that are around 120 mV/decade. This further
confirms that OER at a oxide proceeds via a pH independent process. In the mixed region the
Tafel slopes are up to around 160-190 mV/decade, which is in agreement with a lower OER
activity in this pH window. However the Tafel plots of B oxide appear initially at different
potential regions and show that the evolution of oxygen starts earlier once the solution pH
increases in 3 region. This is fully in line with a pH dependent OER process. Moreover, lower
Tafel slopes (60-70 mV/decade) are found in the B region, which implies the decoupled OER
process has a higher efficiency for oxygen evolution compared to the PCET OER process on a

oxide.

The effect of solution pH on the proton affinity and electron affinity of the catalyst or
reactant has been discussed during recent years.!” 14 According to acid-base characteristics
of a catalyst on the surface, some catalysts have a proton affinity, which is equal to the (surface)
pKa of acid dissociation constant. If a solution pH is higher than the (surface) pKa of a catalyst,
deprotonation can occur to form a negatively charged surface leading to a decoupled electron-
proton process, as shown in Fig.7. A very similar deprotonation process was observed recently

in case of the water oxidation reaction at n-SrTiO3.%

a oxide Au B oxide 6 H,0
Acidic pH Alkaline

Figure 7. Proposed mechanism for electrocatalytic water oxidation on gold. In high pH region,
the rate-limited step of oxygen evolution is deprotonation of Au(OH)s involving a decoupled

proton transfer step.

This concept of surface deprotonation has been confirmed by thermodynamic

explanations,'” simple kinetic models,*® and experiments.'® ?* B oxide-Au(OH); is also called
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auric acid, and with a formula of H3AuO3, it is easy to speculate the existence of the (surface)
pKa of Au(OH)3. Here, we do consider the influence of the acid-base characteristics of Au(OH)3
(Au(OH)3 + 00OH™ 2 Au(OH)3_,0;, + oH,0) to the OER process in a high pH region.

The deprotonation process of f oxide can be illustrated by rotating disk experiments (Fig.
6¢-d): showing no significant changes in the OER activity at pH 1 (Fig. 6¢), while the OER
activity in pH 13 massively increases with an increase of the rotation rate (Fig. 6d). This
indicates that the mass transport of OH" is not a determining factor for the PCET-OER process
at a oxide, but is rate limiting for the uncoupled OER process on  oxide. Note that OH™ will
likely act as a proton accepter in the deprotonation process occurring at 3 oxide, which explains
why mass transport of OH" is part of the rate determining step in the proton-decoupled electron
transfer process. However, we cannot rule out that part of our observations are due to hydroxide

becoming a substrate instead of water at the more alkaline conditions.*”- *

2.4. Conclusions

In summary, we have reassigned the a and B reduction peaks of gold to two independent
oxides on the basis of our electrochemical and in situ Raman data. It was found that o oxide is
preferentially formed in in a low-pH region, and  oxide-Au(OH)3 in a high-pH region. Our
studies further revealed that there are two OER mechanisms taking place on a gold oxide
surfaces: i.e., water splitting to Oz through proton-coupled electron transfer (PCET) steps on a
oxide; and via a path wherein proton and electron transfer are decoupled on B oxide-Au(OH)s.
We believe that our findings are not restricted to gold, and offer different insights in how OER

occurs at metal oxides.
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Figures S1-S9 and Table S1 are included in the supporting information. This material is

available free of charge via the Internet at http://pubs.acs.org.
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Chapter 3

Abstract

Amorphous metal oxide surfaces play a key role in electrocatalysis. Yet at present we know
very little about the atomic structure of these amorphous metal oxide surfaces and the precise
phenomena occurring at the liquid solid interface of these materials. Here we show that under
oxidative conditions Au®* cations are constantly being formed within amorphous gold oxide,
and that these are the main cause for previously not understood phenomena such as non-
Nernstian potential shifts. The Au®* cations play a crucial role in the chemistry of gold oxide,
where these form bonds with nucleophiles present within the amorphous gold oxide layer and
the electrolyte solution, thereby dominating the interactions at the solid-liquid interface.
Moreover we show that these exposed cationic sites play a crucial role not only in the structure

of the solid-liquid interface but also actively take part in the catalytic water oxidation reaction.
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Keywords: Oxygen Evolution Reaction, Amorphous Gold Oxide, Non-Nernstian Shifts,

Solid-Liquid Interface Structure, Gold Cation Interactions
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3.1 Introduction

Metal oxide catalysts display a remarkable activity for a wide plethora of chemical
reactions.! Despite the large interest in these catalytic materials by the scientific community,
it remains a major challenge to accurately describe the real surface structure of metal oxides
under realistic catalytic conditions. At present, our understanding of the metal oxide structure
on the atomic—scale mainly relies on ex situ spectroscopy techniques in vacuum,’”’ and
computations on well-defined and highly symmetric metal surfaces. However, the corrosion
and reconstruction of the metal oxide surface during catalysis results in the formation of
amorphous structures, that are largely different than the original well-defined crystalline
materials studied in vacuum and by computations.”'? Until now, the fundamental origins of the
self—reconstruction processes occurring at these oxides during catalysis are not understood, and
the active sites in these amorphous catalysts have rarely been discussed. These limitations are
not only due to the lack of suitable in situ techniques to capture the complete phase
transformation, but also due to a lack of a sound electrochemical theory that describes the
phenomena occurring at the liquid—solid interface precisely.” !! One of these ill-understood

phenomena is the relationship between the peak potentials and pH under realistic conditions.

The potential where an electrochemical reaction (Oxidant + ne~ = Reductant) may

occur can be described by the Nernst equation. This equation is written as E = E® —

d L . . :
% %, and defines a quantitative relationship between the measured potential (E) and

the standard potential (E°) as a function of the activities of all participating chemical species.
The Nernst equation dictates that the reduction potential of a metal oxide (M,0, + 2xH™* +
2xe” — 2M + xH,0) should not change as a function of pH, with respect to the potential of
the reversible hydrogen electrode (RHE: 2H* + 2e~ = H,). The potential difference between
the redox reaction and the RHE electrode should remain the same (it should follow Nernstian
behavior) as both these redox reactions have the same 1:1 ratio of electrons and protons
involved. However, anomalous potential shifts, i.e. “non—Nernstian behavior” are often
encountered in many oxide reduction processes. Moreover, these anomalous shifts are

extensively observed in many relevant electrochemical reactions such as the evolution and
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reduction of oxygen,'*!* the evolution, the oxidation of hydrogen,'* '® the oxidation of
methanol, '”> '8 and the CO2 reduction reaction.'® 2 Thus far the non—Nernstian behavior of
both metal oxide reduction and the aforementioned electrocatalytic reactions is rarely
systematically studied. Moreover, many explanations for Non-Nernstian behavior of oxide
reduction given in the past are vague (see the supplementary materials, section S1 for a brief
literature overview) 2!, In studies concerning catalytic reactions at metal oxide layers, it has
often been assumed that the surface structure of the catalyst remains unchanged during the

catalytic reaction. It is well known that this is not the case? .

In this manuscript we show that the non-Nernstian behavior of gold oxide reduction peak
is intimately linked to the precise and ill-understood events that occur at the oxide surface. Gold
1s the noblest metal and — as so often demonstrated for new fundamental breakthroughs such as
the exploration of metals’ inert properties®? and investigations into the structures of electrified
interfacial water®> >* — the most appropriate metal for the oxide reduction studies targeted in
this manuscript. It has been firmly established that the +III oxidation state is the only relevant

2326 and the chemisorption of electrolytes on gold is

oxidation state in gold oxide chemistry
weak.?” The effect of oxidation state changes and electrolyte co—adsorption on non-Nernstian
shifts therefore can be largely excluded. Employing gold electrodes, we show that non-
Nernstian shifts are actually caused by the reduction of charge imbalanced Au®" species. It is
these Au®* species that are dominating the interactions between the metal oxide surface and the
electrolyte at the solid-liquid interface. In addition, these Au** species play a critical role in the
oxygen evolution reaction. In general, our findings shed significant light on the atom—atom

interactions taking place at the solid—liquid interface, and the reconstruction processes taking

place at gold oxides during the oxygen evolution reaction.
3.2 Experimental results

The initial stages of the formation of gold oxidation during an oxidation reaction are
associated with the sequential formation of sub—lattices of O and OH.!! The O and OH
chemisorb on gold to form stable Au203 (o—type) and Au(OH)s (B—type) monolayers,
respectively. The existence of Au—O bonds in case of o oxide and Au—OH bonds in case of f3

oxide have been established previously by in situ Surface—Enhanced Raman Spectroscopy
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(SERS).? At early stages of oxide formation, the reduction peak potentials of the formed o (Eq)
and P (Ep) oxides follow the Nernst equation (fig. S1). In other words, Eq« (1.23 V) and Ep (1.1
V) (see Fig. 1A) are independent of the pH providing that upper limit of the CV (E+) is kept at
an oxidation potential below 1.45 V vs RHE. However, non—Nernstian shifts can be observed
when E+ is systematically varied at higher potentials (Fig. 1A). When E+ is set to a higher
potential, Ea shifts negatively with higher E+ in both acidic and neutral conditions (pH < 10).
In addition, E« is pH dependent so that the Ea vs pH plot shows an increasing slope versus the
RHE scale (Fig. 1B). A different behavior was observed in case of Ep (Fig. 1C). When E-+ is set
below the onset potential of the oxygen evolution reaction (Eoer), Ep initially shifts negatively
with increasing E+ in the pH range of 4-10. The closer the pH of the solution is to 7, the larger
the shift is that can be observed. However, these large negative shifts of Ep do not occur when
E+ is set above Eoker. (fig. S6) Interestingly, in alkaline solutions, Ep shows no potential shifts
if E+ is chosen below Eorr but moves gradually negative when E+ is set above Eoer (Fig. 2C).
These oxides reduction peaks show non—Nernstian behavior consistently and show only small
deviations with the scan rate (0.01 to 0.5 V/s) (fig. S2). This indicates that the non—Nernstian
behavior is not caused by kinetic effects, and cannot be explained by local pH effects (see fig.
S2). Moreover, these non—Nernstian shifts of the a and  peaks do not depend on the cation
(Li*, Na', K, Cs") (see fig. S3) or the anion (SO4>~ and C1O4")® present in the electrolyte. We

therefore can also exclude electrolyte adsorption playing a role.
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Fig. 1 The reduction of gold oxide follows non—Nernstian behavior. (A) CVs of gold in
electrolyte solutions of different pH at 50 mV/s. 1.23 V (Red dash lines) and 1.1 V (Blue dash
lines) represent the reduction peak potentials of a and B oxide at their initial formation stages,
respectively (see fig. S1). (B) The potential of the a peak plotted as a function of pH and E-.
(C) The potential of the  peak plotted as a function of pH and E+. Potentials are plotted versus

RHE, i.e. a horizontal line would represent a Nernstian shift in B and C.

The release of gold cations during the oxide reduction process in acidic solutions has been
reported previously in rotating ring—disk electrode (RRDE) experiment 2® and inductively
coupled plasma mass spectrometry (ICP-MS) in a scanning flow cells (SFC).?’ As the +III
oxidation state is the only relevant oxidation state in gold oxide chemistry (22, 23), we assume
Au** is detected, but that we cannot fully rule out larger aggregates. Motivated by these
observations, we investigated whether the existence of Au®" ions which charge is not balanced
due to a lack of neighboring oxide atoms cause the non—Nernstian shifts observed in these
RRDE experiments (Fig. 2A). In an acidic solution, no Au®* could be detected in the reverse
scan in the E+ range of 1.3 to 1.45 V, even though both a and B oxide are already formed at
these potentials (Fig. 2B). When E- is set above 1.5 V, more and more Au®" can be detected on
the ring simultaneously with reduction of a oxide at the disk. Under conditions where Au®"
could be detected, the a peak shows a non—Nernstian shift (Fig. 2B). In an alkaline solution, the
release of Au** also can be observed in case of B oxide, providing that E+ is set at a higher
potential than 1.9 V. Also these latter conditions trigger a negative non—Nernstian shift of the
B peak (Fig. 2C). The a peak in acidic media and the  peak in alkaline solutions follow the
same trend: If there is a non—Nernstian potential shift, this is always accompanied by the

detection of gold cations on the RRDE ring.
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Fig.2 Au®' release during gold oxide reduction. (A) Schematic of a rotating ring—disk
electrode (RRDE) used to detect Au®" that is released from the gold oxide disk and detected at
the ring. (B—-D) RRDE measurements of gold at 50 mV/s and 1600 rpm. The red and blue
dashed lines represent the reduction peak potential of initial formation stage of a and B oxide,
respectively. (B) The electrolyte is 0.1 M HCIO4, and Ering is set at 0.6 V. (C) The electrolyte
is 0.1 M NaOH, and Ering is set at 0.9 V. (D) The electrolyte is 0.1 M NaClOs4, and Ering was set
at 0.6 V (middle) and —0.3 V (bottom), respectively. Different colors represent various CVs at

different upper limit potentials.

When the potential of the gold ring (Ering) 1s kept at 0.6 V in a neutral solution, initially an
unusual positive current was observed on the ring, while the negative current signal that can be
expected for Au** reduction was observed on the ring only after most of the B oxide is reduced
at the disk (see middle part of Fig. 2D). When we match the lower potential limit (E-) of the
CV experiment with Ep, the negative current on the ring will emerge in the following positive
scan (fig. S4A-D). This points to a delayed reduction response that is preceded by unknown
oxidation process. Interestingly, the typical negative current of Au** reduction without the
presence of any positive current can be observed immediately when Ering is set below 0 V (see

lower part of Fig. 2D).

All these observations illustrate that the observed non—Nernstian behavior is accompanied
by the presence of Au®* in solutions of all pH, and independent of whether a or B oxide is

involved.
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The mass change of the gold surface was investigated during CV experiments by
characterizing the frequency response using a electrochemical quartz crystal microbalance
(EQCM), whose oscillation frequency is inversely proportional to the change of mass on its
surface (Fig. 3A).%° These mass changes of the oxide reduction reaction do not only include the
removal of lattice oxygen atoms, but also involve effects of the rigid double layer when bound
water and electrolyte is dissociated.’'* While the mass changes very well fit to the amount of
lattice oxygen atoms present in the oxide under conditions where no Au’" is present, these mass
changes become significantly larger in experiments with high E+ where a lot of Au’*" is formed
(fig. S8). This means that significantly more water and electrolyte molecules are bound when
Au®" is present at the electrode interface, and that one can use EQCM as a diagnostic tool to
monitor Au** removal from the electrolyte surface. An onset potential of mass loss (Ey) appears
during the oxide reduction process and can be correlated to E« and Ep in solutions of different
pH, shown in Fig 3B—D. When the two oxides show no non—Nernstian behavior in an acidic
solution (E+<1.5 V), the mass loss was observed only after the two oxides have been completely
reduced (Fig. 3B). Once E+ is set above 1.5 V, Ey immediately changes to the same potential
as Eq and shifts negatively with E« when E+ is increased further. However, the shift of Ey will
stop when E+>2.1 V while the shift of Ea continues so that the two potentials gradually separate
for E+ set in the range of 2.1 to 2.6 V. The separation between Eq and Ey also appears in the
same range (2.1 to 2.6 V) in neutral solutions (Fig. 3C). When E+ is lower than 1.9 V at neutral
conditions, Ey only appears in the first half of the B peak but shows no relationship with the a
peak even though a shift of the a peak can be observed. The correlation between Ey and Ep
gradually turns into a correlation between Ey and Eq in a potential region from 1.9 V to 2.1 V
(see fig. S6 ). In an alkaline solution (Fig. 3D), the correlation between Ey and Ep is more
consistent. When E+ is set below 1.7 V, Ey and Eg were found at 1.13V, and 1.10 V, respectively.
When E+ is set above 2 V, Ep and Ey will shift simultaneously with a constant potential
difference of Ey — Eg = 0.04 V. Overall, the Ey shift shows a direct relationships with the non—
Nernstian behavior of the a and/or P peaks, which have been correlated to the release of Au**

by our RRDE experiments.
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Fig. 3 The onset potential of surface mass loss during the gold oxides reduction process.
(A) Schematic of the electrochemical quartz crystal microbalance (EQCM) used to detect the
surface mass change. Show are the current (in black) and the frequency change (in purple) as
function of the applied potential during an EQCM CV experiment. (B-D) Eq (red line), Ep
(blue line) and the onset potential of mass loss (Ey, black line) as a function of E+ in 0.1 M

HClO4 (B), NaClOs4 (C) and NaOH (D) (More details are shown in fig. S5-7).
3.3 The relationship between non—Nernstian behavior and the surface structure

Gold exhibits a strong covalent bonding character due to a relatively small 6s—5d energy
gap and therefore enhanced s—d hybridization.>* Two initial stable covalent oxides are formed
by chemisorption of O and OH on gold, i.e. Au,05 (o oxide) and Au(OH)5 (B oxide).The
Nernst equations of both o oxide (Au,0;+ 6H' + 6e~ - 2Au+ 3H,0) and B oxide
(Au(OH); + 3H* + 3e~ - Au + 3H,0) dictate that the corresponding reduction potentials
should not change with the pH of the solution on the RHE scale, illustrated in fig. S9. It is
essential that the reaction stoichiometry is correct when the equilibrium potential of a redox
half-reaction is calculated by applying the Nernst equation. At high electric fields, insulating
gold oxide growth occurs via the “Mott—Cabrera” mechanism, where formed gold cations
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(Au = Au3t + 3e7) are injected into the oxide and migrate from the oxide layer into oxide—
solution interface.> The electronic structure of such initial covalent oxides is expected to

change dramatically when the amount of ionic gold ions increases within these oxide layers.
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Fig.4 Ionization, Hydration and Hydroxylation of gold cation within gold as a function of
pH. (A) Non—Nernstian responses for ionic bonding of Au** on a oxide (light red region); Non—
Nernstian responses for hydrogen bonding of hydrous Au*" on B oxide (light grey region); and
Nernstian responses for covalent bonds of hydroxylated Au*" on B oxide (light blue region).
The red and blue dashed lines represent the reduction potential of initial formed thin a oxide
(Au203) and P oxide (Au(OH)3), respectively. The red and blue line represent the a and f
reduction peak in CVs, respectively and their color changes (from dark to light) reflect the peak
change with the increase of E+ in different pH solutions. (B) The change of Ep at pH 13 when
E+is set below and above Eokr. (Insert B) Proposed mechanism of mutual transformation of
ionized Au*" and hydroxylated Au** within Au(OH)3 in the OER process in an alkaline solution.
(C) The change of CVs in pH 7 when E- is set below and above Eoer. (Insert C) Proposed
mechanism of mutual transformation between ionized Au*" and hydrous Au** within a and B

oxide in the OER process in a neutral solution.
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Now the formation of Au®" ions has been firmly established, one can discuss the potential
effects of its presence on the chemistry at the gold oxide — liquid interface. The characteristic
of Au3* is a lack of electrons, and consequently its structure will strongly depend on the
availability of good nucleophiles present in solution. As observed, the variations in metal
cations and anions present in electrolytes have minimal impact on the gold oxide reduction
process (Fig. S3). This suggests that highly hydrated metal cations and anions exhibit relatively
uniform behavior at the gold oxide-liquid interface. Therefore, the two main types of
nucleophiles present in an aqueous solution are H20 in acidic and neutral solutions, and OH™
in an alkaline solution. Their nucleophilicity is strongly pH dependent with H2O << HO™. Since
the nucleophilicity of H20 in strong acidic solutions is very poor as the existence of hydronium
anions, Au3* will predominantly adsorb on the exposed oxygen sites of Au203. These oxygen
sites can act as Lewis base sites to form ionic bonds with Au3*. These ionic bonds of
Au,05 -+ Au3* (ionized Au*") would then stabilize o oxide resulting in the negative shift of the
a peak. The formation of these ionic bonds takes time, and if the scan rate is fast enough (50
mV/s to 10 V/s), the non—Nernstian behavior of the a peak will disappear and instead a
reversible free Au®" reduction peak appears at 1.31 V vs RHE, illustrated in (fig. S10). The
reversible reduction of free Au®" has been reported previously at high temperature (365 K) and
at high HCIO4 concentrations .> The ionic bonds of ionized Au®" rely on the balance of
electrostatic forces between the Au3* ions and oxygen sites. Consequently, every oxide
reduction step results in cleavage of these ionic bonds, which explains why the onset of Au**
release from o oxide is coincidental with the onset of the reduction of a oxide observed in our

RRDE experiment (fig. SI1A).

When the pH of the electrolyte solution increases to neutral conditions, the nucleophilicity
of water increases. Therefore, Au" is expected to form interaction with water molecules, rather
than the exposed oxygen sites of Au203, and will form hydration shells (hydrous Au**). Such a
hydration shell can also easily stabilize B oxide—Au(OH)s through hydrogen bonding
interactions that cause an obvious potential shift of the  peak. The competition between ionized
Au*" and hydrous Au** can be monitored by the change of the two reduction peaks (o and B) in

a pH range between 4 and 7 (fig. S12). The non—Nernstian behavior of the o and B oxide
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reduction peaks will disappear when the rotation rate of the RDE experiments is set at 3000
rpm. This is in agreement with an efficient removal of Au** upon rotation, as it is merely

attached via weak non covalent interactions (fig. S13A-B).

Formation of Au** bound to the electrode surface via ionic or hydration shell interactions
can be observed by Non—Nernstian shifts of E« and Ep and can be traced by the EQCM signal
Ey (Fig. 3). (see the supplementary materials, section S3) There the presence of Ey does not
directly relate to removal of a particular metal oxide, but rather to the presence of Au** on the
oxide surface, both in case of a and B oxide. It is important to note that the EQCM can only
detect mass changes at the surface and is not affected by the reduction of free Au®" ions in
solution. Therefore, the separation of Eq and Ey can be used to estimate to what extend Au®* is
bound to the electrode surface, or whether the gold ion has become fully solvated (see the
supplementary materials, section S4). When E+ is set above 2.1 V, Eu and Ey separate. This
indicates that binding of Au®" to the surface has become saturated and more free Au3* unable
to bind to the Au2Os3 surface has escaped from the rigid interface into the diffusion layer. More
specifically, taking into account the precise moment when Ey and E« deviate, the amount of
Au®" within o oxide can be quantitatively evaluated on basis of the slope of the o oxide
reduction peak in E-pH diagrams. (see the supplementary materials, section S5) With the
increase of E+, the a oxide is changing from a covalent oxide (Au,03) to a covalent—ionic oxide
(Au,0; --- xAu3"), where x represents the amount of Au3* forming ionic bonds per o oxide
site. Based on the increasing slope of the E—vs—pH plots (Fig. 1B), x increases from 0 to 0.4
before OER starts and quickly reaches saturation (x~0.9) at 2.1 V during the OER process (table
S1). In other words, we have now largely turned the Non—Nernstian behavior of the oxide
reduction reaction into a Nernstian one by including the correct amount of Au** in the reaction

stoichiometry.

When the pH of the solution is further increased to alkaline conditions, the main
nucleophile present in solution is OH™ rather than H2O. OH™ can form more stable covalent
bonds with Au** (hydroxylated Au**). The bonding interaction between Au3* and OH™ will

produce new P oxide layers on top of the initially formed § oxide. The hydroxylation process
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thereby ensures the uniformity and electrical neutrality of the B oxide, which therefore shows

Nernstian behavior as Ep does not shift with pH.

3.4 The relationship between non—Nernstian behavior and reconstruction of the

metal oxide during the OER

Although ionized Au**, hydrous Au*" and hydroxylated Au®" are the preferred structures
in acidic, neutral and alkaline solution, respectively, as shown in Fig. 4A. These surface
structures inevitably turn to ionic Au** at high rates of the oxygen evolution reaction (Fig. S5-
7). It was previously reported the O is produced from lattice-oxygen atoms 37 and that the
oxygen evolution on Au(OH)3 follows a Proton—Decoupled Electron Transfer process at
alkaline conditions.® Fig. 4B shows the two main steps needed to form Oz in an alkaline solution:
(1) Formation of Oz by lattice exchange between Au—OH covalent bonds leaving exposed sites
on Au; (2) regeneration of Au(OH)s by coordination of hydroxide to the exposed sites on Au.
The overall process must involve a delicate balance between these two reaction steps with the
independent reaction rate constants ki1 and k. At low oxidation potentials, where k; < k,,
Au(OH); retains its uniformity and electrical neutrality. Under these conditions, Au** release
from Au(OH)s is not observed. Further increasing E+ must result in k; > k,. Under these
conditions, Au’" release from Au(OH)3 becomes apparent. This ionization process likely takes
place only on the outer layer of Au(OH)s. This is in line with the RRDE experiments in alkaline
solutions, where Au’" release is observed only when the scanning potential approaches Ep
where the outer layer of Au(OH)s3 is reduced (fig. S11B). A similar delicate balance exists
between hydrous Au*" and ionized Au®* in neutral conditions (Fig. 4C). When k,; < k,, stable
hydration shells of Au*" are present within the p oxide even if E+ is set slightly above Eoer. At
higher oxidation potentials, where k; > k, and the free sites generated by elimination of Oz are
only sparsely replenished, ionized Au** on o oxide becomes the dominant surface structure.
Since these non—covalent bonds are relatively weak, the mutual transformation between ionized
Au** and hydrous Au*" can be effected by rotation rates and rinsing of the electrode (see the

supplementary materials, section S6).

3.5 Conclusions
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We have confirmed that the non—Nernstian behavior of the electrochemical reactions and
the precise reaction steps occurring on the electrode surface are intimately linked. More
specifically, the non—Nernstian behavior of the gold oxide reduction reaction is due to charge
imbalanced Au®* present in the gold oxide layers that is being reduced in a reaction wherein no
protons are involved. These Au** ions play a pivotal role in the surface chemistry of gold oxide
and the chemical processes occurring that the solid-liquid interface. At the solid—liquid interface
Au®" is stabilized by ionic interactions with the gold oxide surface at acid conditions, via
hydration shells under neutral conditions and upon hydroxide binding at alkaline conditions.
Equilibria between these binding modes of Au®" play a critical role in the OER mechanism
wherein Au*" is continuously formed by evolution of dioxygen from lattice oxides, and is
continuously quenched upon replenishment by water or hydroxide. We believe that this
chemistry may not be restricted to gold and will also occur on other metal oxides during many
relevant electrocatalytic reactions. Overall, this work provides a new perspective on how the
structure of amorphous oxides changes during a catalytic process, which is seen as one of the

most challenging scientific questions for a long time.
3.6 Experimental procedures
Resource availability

Lead contact Further information and requests for resources should be directed to and will be
fulfilled by  the corresponding  author, Dennis G. H. Hetterscheid
(d.g.h.hetterscheid@chem.leidenuniv.nl).

Materials availability: This study did not generate new unique reagents.
Data and code availability

All data needed to evaluate the conclusions in the paper are present in the paper or the
supplemental information. Full experimental procedures are provided in the supplemental

information.
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Chapter 4

Abstract

Understanding the distribution of the excess free charge at electrified interfaces is pivotal for
the development of various energy conversion systems, such as electrolysers and fuel cells, and
energy storage systems including electrical double layer capacitors, pseudocapacitors and
batteries. Nonetheless, measuring the excess free charge on a solid material directly is
challenging. This study introduces the utilization of an electrochemical quartz crystal
microbalance (EQCM) as an innovative approach to discern and quantify the electrode excess
free charge. The EQCM exploits the oscillation frequency of a quartz crystal as a sensitive
indicator of mass changes on a gold electrode. By capitalizing on the frequency response of the
quartz crystal to the electrostatic attraction of free charges, this method may provide a means
to identify the potential regions where a positive and a negative excess charge exist, respectively.
Our study reveals the presence of a potential region where no frequency changes can be detected
by EQCM, while an increase in —Af occurs on both sides of this region. Under the assumption
that the —Af reflects the complete formation of excess charge, our EQCM methodology allows
for identification and quantification of the excess charge even during the catalytic oxygen
reduction reaction. Through a comparison of the frequency response recorded by the EQCM
and the capacitance recorded by cyclic voltammetry, we can estimate the amount of excess free
charge and the Faradaic charge in the entire pH scale. Furthermore, by examining the
correlation between the excess free charge and the frequency response, we have constructed
excess free charge distribution diagrams for both Ar and Oz saturated solutions.These diagrams
aim to visually depict how the excess charge may fluctuate at specific pH levels and applied

potentials before and during catalysis.
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4.1 Introduction

When an electrode is immerged into an electrolyte solution and a potential is applied, an
excess free charge (either positive or negative) will emerge on the electrode surface and attract
ions with an opposite charge. The precise structure of this electrified interface plays a crucial
role in various energy-conversion systems such as chemical energy conversion systems (e.g.
water splitting, fuel cells), and electrochemical energy storage devices (e.g. electrical double
layer capacitors, pseudocapacitors, batteries).!® The presence of a potential of zero charge (PZC)
is a defining characteristic of the interfaces of all these systems, representing the potential at
which no excess charge exists on the electrode surface.’ Initial insights into the excess free
charge and the PZC were gained from measurements of the surface tension at the mercury-
electrolyte interface, where the PZC is pinpointed as the potential corresponding to the maximal
surface tension on an electrocapillary curve.> !° Surface tension measurements were deemed as
a direct approach for detecting the excess free charge on liquid metal surfaces.!! However,
extending such surface tension measurements to a solid material remains impossible. Drawing
motivation from the successful identification of the PZC at mercury, which divides the
electrified interface into two areas with opposing excess free charges, several indirect
techniques have been developed to determine the PZC in solid materials. These methodologies

encompass differential capacitance measurements,'® '? the CO charge displacement method, '

15,16 17,18

14 laser-induced temperature-jump methods, probe molecules techniques, spectroscopy

19:20 and computational approaches.! > 7 However, all these indirect techniques

methodologies,
become inapplicable in determination of the PZC when specific adsorption reactions
accompanied with charge transfer occur simultaneously— an occurrence widespread in solid

materials.?!

Exclusion of such chemisorption effects are for example important in the determination of
the PZC with the minimum differential capacity approach, wherein it is assumed that the PZC
is located there where the capacitance is minimal. Here any Faradaic current resulting from
chemisorption reactions will directly disrupt the calculation of the differential capacity that
relies on non-Faradaic current measurements. Increasingly intricate physical-chemical models

have been integrated into the classical Couy-Chapman-Stern (GCS) model, that for example
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include the field-dependent arrangement of water molecules, the discrete nature of adsorbed
ions, and the quantum behavior of metals.>?*2* Consequently, it is often possible to achieve a
perfect fit for many capacitance profiles, by simply adjusting the model parameters. It is
however imperative to corroborate these assumptions through precise experimental

investigations.

Other indirect methods to measure the PZC also exhibit limitations in determining the PZC
in the presence of chemisorption reactions taking place. Determination of the PZC by laser-
induced temperature-jump methods relies on monitoring of the orientation of interfacial water.
However, this approach is ill-suited for situations involving chemisorption, as chemisorbed
species hinder the reorientation of such water molecules.!> '® Probe molecule approaches, in
which catalytic reactions are monitored that are sensitive to electrolyte accumulation, are
sometimes employed to determine the PZC. Yet these methods are problematic given that the
introduction of a chemical reagent that reacts with the electrode surface, and alters the
electrochemical driving force for the forward chemical reaction during the analysis. This makes
it challenging to accurately determine the PZC.!"- ¥ While spectroscopic methods can offer
valuable insights into the type of ions that are present and how these interact with the electrode
interface, determination of the PZC remains highly challenging, given that spectral changes
might not always directly correlate with variations in the excess free charge. Moreover,
extracting meaningful information from obtained spectra often requires advanced data analysis

and modeling techniques.'® 2!

It is crucial to highlight that the excess free charge density, rather than the electrode
potential, directly governs the strength of the interfacial electric field.?* > This electric field in
turn influences the energy of the bonds formed between the electrode surface and adsorbates.?*

5, 26, 27

Specifically the orientation of interfacial water, and the hydration state of ions at the

interface,?® 2

strongly depend on the excess free charge density. Therefore determining the
excess free charge is important for understanding the reaction pathways and energetics
occurring at the solid-liquid interface of electrodes.>**? Due to the absence of an appropriate in
situ method to quantify the excess free charge density, most research in this area has focused
on identification of the PZC rather than exact measurements of the excess charge to monitor
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the excess free charge distribution.” !> 2* Thus far it has remained particularly challenging to
pinpoint how the charge distribution occurs at the electrode surface when specific adsorption
reactions comes into play. This particularly holds when electrochemical reactions occur
simultaneously with the buildup of excess charge as is typical in real environments. Under such
conditions very little is known on how the excess free charge changes as a function of the
applied potential. This question is the source of contentious issues within energy conversion
systems, such as the extensive discussions on the role of electrolytes and solvents in

33-35

electrocatalytic processes in chemical energy conversion as well as the intricate charge

storage mechanisms in the field of electrochemical energy storage.>®3%

Motivated by the necessity for a direct method to measure the excess free charge within
practical electrochemical environments, we introduce the application of an electrochemical
quartz crystal microbalance (EQCM) to identify and quantify the electrode charge. The
proposed EQCM method may offer a means to identify the electrode charge, thereby allowing
one to shed light on the intricate interplay between the excess free charge and electrochemical

processes.
4.2 Experimental results
4.2.1 Direct determination of excess free charge on EQCM

EQCM is a sensitive technique that relies on an oscillating piece of quartz which frequency
of oscillation relates to the mass of the piece of quartz. In the EQCM configuration, an ultrathin
gold layer — on top of the piece of quartz — functions as a working electrode (Fig. 1). During
electrochemical measurements frequency alterations triggered by mass changes at the electrode
surface can be detected. In principle, these frequency changes can be converted to mass changes
via the Sauerbrey equation: Am = C; - (—Af).**° At the liquid — solid interface, alterations in
frequency may not only originate from actual changes in mass of the solid electrode, but also

in fluctuations of the density or viscosity of the electrolyte in the near vicinity of the electrode.*!"
43
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Am o« -Af

Solution
Adsorbed layer CO
{ Quartz crystal

Fig. 1 EQCM setup illustrating the measurement of adsorbed molecule mass by tracking the

resonant frequency change of a quartz crystal.

Initially, EQCM was primarily employed to detect Faradaic electrochemical deposition
and striping processes.’”> ** However, consistent frequency responses were even found in the
regions of the electrochemical double layer (EDL) where Faradaic processes were absent.*>*’
For example, the Aurbach group investigated the effect of a range of different electrolytes on
the frequency response in a series of EQCM measurements.*® They calculated the amount of
the adsorbed ions (AI') from the frequency response in EQCM measurements. It was found
that AT is sensitive to the type of cations and increases as the scanning potential decreases
providing that the applied potential is set below the PZC. Yet Al is sensitive to the type of
anions and increases as the scanning potential increases when the applied potential is set
higher than the PZC. These observations clearly show that EQCM can be used to detect the
accumulation of ions at different potential regions. We have also assessed the frequency
response by varying cations and anions on the gold electrode in pH 3 solutions (Fig.2). The
results distinctly indicate that the frequency change is responsive to the types of cations in a
low potential range (Fig. 2A) and to the types of anions in a high potential range (Fig. 2B).
Our findings on gold align with the EQCM experiments on nonporous carbon conducted by
Aurbach group. These observations validate that the frequency response is indeed induced by
the electrostatic adsorption of different ions, driven by the excess charge on the surface.
Despite the many studies have explored in-situ monitoring of changes in the electrochemical
double layer structure through EQCM,** >4 there remains a notable gap in our
understanding of the distribution of ions at the solid liquid interface in a real environment.

Although it has been shown that the frequency changes relate with the excess free charge, we
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still do not exactly know which precise phenomenon is responsible for the frequency change.
For example, an increase of excess free charge may lead to an increase of the viscosity of
solution and/or concentration of the electrolyte near or at the electrode surface, and a
combination of all these effects may be picked up by the EQCM experiment. Solving this
knowledge gap is further complicated given that the chemical society still knows very little
about the precise chemical processes occurring at the electrode interface, and how these are
affected by subtle changes in electrolyte composition and pH changes.. For instance, the
specific location where ion chemisorption occurs, the precise nature of the chemisorption
processes, and how chemisorption reactions vary with alterations in the solution environment
including the type and concentration of electrolyte types and the pH have not been identified
for most electrode surfaces.. In this study, we have further investigated the direct resonant
frequency response of the quartz crystal that results from the electrostatic interaction of the
excess free charge in relation to the pH, and the counterions that are present in solution in

case of a gold electrode.
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Fig. 2 the frequency change (-Af) of EQCM on the gold electrode with change of types of
ions at pH 3 solutions. (A) The frequency change (-Af) at electrolytes with different cations.
Anions is 0.05 M ClO4™. (B) The frequency change (-Af) at electrolytes with different anions.
Cations is 0.05 M Na". The shaded areas represent the range of frequency variations at every

electrolyte during positive and negative scans in the three experiments.
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Excess charge on the gold surface
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Fig. 3 Three proposed models depicting excess charge variations with a changing applied
potential. When the surface possesses a positive charge, the quantity of the adsorbed anions
corresponds to this positive excess charge. The associated potential region is termed the “C*
zone”. When the excess free charge remains at zero, no ions are electrostatically attracted,
resulting in a potential of zero charge referred to as the “PZC”. Conversely, when surface bears
a negative charge, the amount of attracted cations corresponds to the negative excess charge.

The corresponding potential region is labeled as “C™ zone”.

In a hypothetical EQCM experiment there are three possible responses and related
potential regions that one may expect to encounter (Fig. 3). The C* zone, the PZC, and C™ zone
represent the potential regions, where a positive excess charge, zero excess charge and a
negative excess charge exist, respectively. In order to establish a direct linear relationship
between the excess charge and the frequency response, it is essential to first identify the correct

C" and C™ zones.

As previous reports indicate, the chemisorption of anions frequently occur within the
anticipated potential range where the PZC is expected.? ¢ 4% Additionally, the potential region

wherein the chemisorption of anions occurs is sensitive to various factors such as the electrolyte

78



Exploring the excess firee charge distribution under catalytic conditions using a quartz crystal microbalance methodology

type and concentration, as well as the pH. Cyclic voltammetry (CV) experiments on gold reveal
two redox waves, which presence merely depends on the pH (Fig. 4B). One redox wave (X) is
mostly visible in acidic solutions, while the other redox wave (Y) is most prevalent in more
alkaline conditions. It is important to note at the position where the X or Y redox waves can be
observed no significant frequency changes were observed in EQCM measurements. Instead a
significant increase in —Af can be observed both at more positive and more negative potentials

from the X and Y redox couples, as illustrated in Fig. 4A and Fig. S11.

Based on the QCM result, we can make a estimation of the potential region for the C™ and
C" zones, respectively. To explore the correlation between excess free charge and the frequency
response of the EQCM, we calculated the integrated charge of a CV (AQ) and the corresponding
negative frequency change (—Af) within the C* zone, in 0.1 M HClOs, where the C" zone is
most pronounced (Fig. 4D). This analysis distinctly reveals a proportional linear relationship
without an intercept between AQ and —Af, signifying that —Af directly corresponds to
changes in the excess free charge in the C* zone. Additionally, in the C~ zone in 0.1 M NaOH,
an inversely proportional relationship without an intercept between AQ and —Af was observed,
indicating that —Af directly corresponds to changes of the excess charge in the C™ zone as well.
(Fig. 4C) Furthermore, we have calculated AQ at different potential windows and found that
the linear relationship between AQ and —Af is disrupted at a potential where the redox couples

X and Y can be observed (Fig. S4).
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Fig. 4 Detection of the surface excess charge through electrochemical quartz crystal
microbalance (EQCM) measurements. (A) Frequency response of the EQCM at various
potential regions: —Af increases as the potential decreases in the C™ zone, but increases as the
potential increases in the C* zone. Notably, there is a potential region where the X/Y redox
reactions occur, effectively maintaining —Af at a minimum value. (B) Linear correlation of the
frequency response and the integrated charge in the C* potential region in 0.1 M HCIO4. (C)
Cyclic voltammograms (CVs) of gold in different Ar-saturated pH solutions at a scan rate of
50 mV/s. The C" and C~ zones denote the potential regions where a positive and negative
surface excess charge is present, respectively. X and Y represent the regions where redox
reactions occur in acidic (pH 3) and alkaline (pH 10) solutions, respectively. (D) Linear
correlation of the frequency response and the integrated charge in the C™ potential region in 0.1

M NaOH.

In case of an ideal electrified interface, the capacitance (C) is constant irrespective of the
scan rate. The change of the non-Faradaic charge (AQ) is related to the potential drop (AE) and
C, and can be expressed as AQ = C x AE.* Consequently, AQ remains independent of v, even
though the current (I) is proportional to v (I = C X v) while C remains constant.® To further
confirm the direct relationship between the frequency change and the accumulation of the
excess free charge, we investigated —Af at varying scan rates (v) (Fig. S1). These experiments
show that —Af is not affected by v in both the C* and C™ zones, which fully in agreement with

the expected behavior of a non-Faradaic process.

The classical GCS model divides the total capacitance of the electric double layer (Cacs)

into Helmholz capacitance (Cr) and the diffuse layer capacitance (Cgc):'% 12

1 1 1

=—+
CGCS CH CGC

In this simplistic equation, Cy is assumed to remain constant, and C;. is expected to
decrease with lower electrolyte concentration.’® Consequently, it is anticipated that the total
capacitance will decrease at a lower electrolyte concentration. This decrease in electrolyte

concentration directly leads to a decrease in the excess charge that is attracted to the surface in
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line with the equation AQ = C X AE. If the frequency change is indeed linked to the excess free
charge, a diminishing —Af should logically manifest when the electrolyte concentration is
lowered. To validate this hypothesis, we examined the impact of the electrolyte concentration
on the frequency changes in the C* zone (Fig. S2A) and in the C™ zone (Fig. S2B). Indeed —Af
diminishes in both zones when the electrolyte concentration is decreased from 0.1 M to 0.05 M.
The diminished —Af observed in a more diluted solution further solidifies the direct

relationship between the frequency change and excess charge on the gold surface.
4.2.2 Chemisorption of anions at the electrode surface

Under conditions that are thermodynamically favorable, solvated ions can undergo partial
dehydration and engage in bonding interactions with the electrode surface. This phenomenon,
termed partial charge transfer, can lead to the formation of partially charged chemisorbates."!
This behavior has been observed primarily with anions on metallic surfaces due to their weakly
bound solvation shells.?! The two redox waves, denoted as X and Y, have previously been
associated with chemical adsorption/desorption phenomena.**: > (Fig. 5A). For instance, the X
wave is linked to the chemisorption of anions such as perchlorate, sulfate and nitrate, while the
Y wave involves the chemisorption of hydroxide. To understand these phenomena better, we
examined the oxidation peak potentials (Ey+) and (Ey+) (Fig. 5B) as well as the reduction peak
potentials (Ey-) and(Ey-) (Fig. 5C) in relation to the pH. This revealed that Ey+ (0.31 V vs.
NHE) and Ex- (0.19 V vs. NHE) are pH—independent on the NHE reference scale when the pH
is below 8. On the other hand, E,+ (0.82V — 0.059V /pH vs.NHE) and Ey- (0.77V —
0.059V /pH vs. NHE ) exhibit a pH—dependent shift of — 59 mV/pH in the pH range of 8 — 13.
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Fig. 5 X and Y redox peaks in the electrochemical double layer (EDL) region. (A) Cyclic
voltammograms (CVs) of gold in Ar-saturated pH solutions (0.1 M ClO47) at 50 mV/s. (B)
Pourbaix diagram illustrating the X" (Ey+) and Y" (Ey+) oxidation peaks during the positive
scan of the CVs (Data from Fig. SA). (C) Pourbaix diagram showcasing the X~ (Ex-) and Y™
(Ey-) reduction peaks during the negative scan of the CVs (Data from Fig. 5A). (D) Schematic
representation of a diffusion controlled redox reaction and its electrochemical response
displaying the relationship between the peak current (Ip) and the square root of the scan rate
(+/v). (E) Schematic representation of a surface redox reaction and its electrochemical response
demonstrating the relationship between the peak current (Ip) and the scan rate (v). (F) CVs of
gold in Ar-saturated 0.1 M NaClO4 (pH 4) solutions at varying scan rates ranging from 10 to
300 mV/s. (G) Relationship between the scan rate and the X" and X~ peak currents in pH 4. (H)
CVs of gold in Ar-saturated 0.1 M NaClO4 (pH 10) solutions at varying scan rates ranging from
10 to 300 mV/s. (I) Relationship between the scan rate on the Y and Y~ peak currents in pH
10.

The peak potentials associated with anion chemical adsorption and desorption (X redox

couples) depend on the electrolyte concentration and the specific type of anion present (see S1
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for details). Similar shifts in potential due to anion—dependent chemisorption (such as ClO4™,
NOs™, or SO+~ ) have been directly observed on the Au(111) surface using various in situ
spectroscopy techniques, including surface-enhanced infrared absorption spectroscopy
(SEIRAS), subtractive normalized interfacial Fourier transform IR spectroscopy (SNIFTIRS),
IR reflection-absorption spectroscopy (IRAS).2% 48 4% Despite their relatively low surface
coverage (less than 20%), the spectra clearly demonstrate that the bands corresponding to
adsorbed anions (Cl04~, NOs~, and SO4>7) shift as the potential becomes more positive within
the potential range where the X redox couple is active on Au(111). This direct evidence supports

the notion that the X redox peaks are associated with direct anion binding to the gold surface.

As anticipated, the chemisorption of hydroxide is pH—dependent and shifts with a factor
of —0.059 X pH in the Pourbaix diagram (Fig. SB-C). While the detection of hydroxide

absorption is typically easier in alkaline solutions,>> >3

it can even be observed at pH 3 when
the anion concentration is significatly reduced to 0.01M (Fig. S6 and S8). The Pourbaix diagram
illustrates that the chemisorption potential of perchlorate shifts towards the chemisorption
potential of hydroxide when the pH increases (Fig. 5B and C). The slope of Ecios™ ultimately
changes from 0 mV/pH to —59 mV/pH once the pH surpasses 8, and the perchlorate and
hydroxide chemisorption features closely overlap (Fig. 5 and Fig. S5-8). This change indicates
a shift in anion chemisorption from an electron transfer (ET) process within the pH range of 1-
8 to a proton—coupled electron transfer (PCET) process when the pH exceeds 8. This may

suggest that co-chemisorption of perchlorate and hydroxide may occur within the pH range of

8-13, given their closely aligned equilibrium potential.
In the context of a redox reaction, the current response to an applied sweep rate (v) hinges
on whether the redox reaction process is governed by diffusion or surface phenomena.’* %3

When a redox reaction is controlled by diffusion, the current response varies with the square
root of the scan rate ( Iy = av?/?) (Fig. 5D).***® Conversely, if a redox reaction is primarily
constrained by surface reactions and not influenced by diffusion, the current exhibits a direct
linear relationship with the scan rate ( Iy = av) (Fig. 5E).3% 54 Since the concentrations of Na*

and ClO4™ are roughly the same at 0.1 M, both at pH 4 and at pH 10, these specific pH values

were selected to examine the correlation between the peak currents (I) and the scan rate (v), as
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depicted in Fig. 5F and H. The data in Fig. 5G and 51 unmistakably indicate that the current
responses Ix and Iy are directly proportional to the sweep rates for both the negative and positive
scans. Since both features associated with perchlorate and hydroxide chemisorption follow a

relationship of [,y = av, it can be inferred that both processes are governed by surface-

controlled reactions devoid of diffusion involvement. Such surface-controlled redox reactions
are commonly referred to as pseudocapacitance due to their proportionality to the scan rate,
resembling the behavior of a physical capacitor. However, unlike traditional capacitors, these
process involve Faradaic currents, as they stem from the occurrence of redox reactions.*® >4
Notably, these redox reactions involving anions (X) and hydroxide (Y) are not diffusion

controlled, suggesting that the anions are already present at the interface, or in case of Y involve

the solvent (water).

In the potential region where the X (acidic conditions) and Y (alkaline conditions) redox
waves are observed, —Af is unaffected by AQ (Fig. S3 and S4). This finding suggests that the
excess free charge may remain relatively constant during these redox reactions, even as the
potential changes. While the classical GCS model clearly elucidates the behavior of excess
charge on the surface in the absence of chemisorption, it remains unclear how excess charge
evolves when chemisorption occurs. It is worth noting that detecting excess charge changes in
the presence of chemisorption has been considered a challenging task.® EQCM may offer a
promising perspective for observing how the excess charge changes in a real-world
environment. In the electrochemical double layer (EDL) potential region, EQCM exhibits a
pronounced frequency response when there is no chemisorption and a minimum frequency
response when chemisorption is occurring. The Kautek group examined the frequency changes
on the gold electrode using EQCM in 0.5 M KOH. They observed a minimum frequency
response in the potential region that is associated with OH™ chemisorption but noted a
significant frequency response both above and below this region.*? Furthermore, they compared
the frequency and mass difference at various potential regions, to study diverse electrochemical
processes such as the specific adsorption of hydroxide, and structural changes in the double
layer potential region. The Kautek group proposed double layer models involving the outer and

inner Helmholz layers, based on the frequency responses on the gold surface observed by
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EQCM measurements. They suggested that within the outer Helmholtz layer, fully solvated
anions or cations exhibit electrostatic attraction/repulsion, which can be detectable through
frequency changes on the EQCM in the EDL region. However, within the inner Helmholtz layer,
where specific anions are adsorbed, the formation of neutral ion pairs with the metal surface

may lead to practically no observable electrostatic attraction/repulsion.

The EQCM measurements demonstrate that —Af remains at a minimum, with no
significant frequency changes occurring in the potential regions where the surface-controlled
chemisorption reactions transpire, as illustrated in the X zone in Fig. 6A and B, and the Y zone
in Fig. 6C. EQCM measurements enable the identification of the C* zone, C™ zone and PRMF
across the entire pH scale, as illustrated in Fig. 6D. Jun Cheng’s group reported state-of-the-art
ab initio molecular dynamics simulations of electrified Pt(111)/water interfaces.’ Their research
revealed the existence of water chemisorption when the metal surface transitions from a
negative to a positive charge. This chemisorbed water alters the surface coverage, subsequently
increasing the differential capacitance, resulting in a bell-shaped differential capacitance curve.
We speculate that a similar chemisorption behavior may also occur with anions in case of the
gold electrodes of study when the excess free charge shifts from negative to positive. Here these
chemisorbed species may form neutral ion pairs within the Helmholtz layer act to offset the
potential change.*” This may explain why no significant excess charge is built up in the region
where these surface redox reactions occur, and therefore results in an apparent potential region

where minimum frequency changes occur(PRMF) that is situated between the C* and C™ zones.
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Fig. 6 Surface excess charge detection in different Ar-saturated pH solutions. (A-B)
EQCM measurements on gold in 0.1M HClO4 (A), NaClO4 (B) and NaOH (C). The upper part
displays the frequency response as a function of potential, while the lower part illustrates the
CV. The scan rate is set at 50 mV/s in the EQCM measurements. The X and Y regions indicate
the potential regions where the X and Y redox couples can be identified in a CV, respectively.
C" signifies the potential region of positive excess charge, whereas C™ represents the potential
region of negative excess charge. (D) Potential regions of C" and C™ observed across varying
pH solutions. The red and blue lines depict the potential regions where the X and Y redox
reactions are present, respectively, under Ar-saturated conditions. There is a potential region of

minimum frequency (PRMF) between C* and C™ zones.

4.2.3 The electrified interface in the presence of oxygen

While discussions on electrochemical double layer (EDL) structure at electrode interfaces
have persisted over a century,?* 78 the in situ visualization of the actual distribution of cations
and anions at the solid-liquid interface during a catalytic process has remained elusive.?® ¥

Taking into account the linear correlation between —Af and AQ, and the hypothesis by Kautek
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grouppoint to a potential region between C* and C where chemisorption occurs where
frequency changes cannot be observed by EQCM, we can speculate what the charge distribution
diagram at the solid-liquid interface would look like. While there may undoubtedly be more
complex electrochemical processes at play at and near the PRMF, and we cannot dismiss the
possibility that these other electrochemical processes also affect the excess free excess free
charge and may not be detected by EQCM, in the following discussion we have assumed that
the effect of such processes would be minimal. Under the assumption that —Af changes directly
correlate with the excess charge, we can probe the EDL structure during catalytic processes.
Since the oxygen reduction reaction (ORR) occurs within the PRMF region, we employed our
EQCM methodology to detect the surface excess charge both under an inert atmosphere and

during the catalytic ORR process.
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Fig. 7 Surface excess charge detection in the presence of oxygen reduction reaction in
different pH solutions. (A) CVs of gold in Ar-saturated (top) and Oz-saturated (bottom) 0.1 M
HCl1O4 at 50 mV/s. (B) CVs of gold in Ar-saturated (top) and Oz-saturated (bottom) 0.1 M
NaOH at 50 mV/s. (C) Pourbaix diagram illustrating the peak potential of oxygen reduction
reaction (Eorr) across the entire pH scale. (D-G) The EQCM frequency response in Ar-
saturated (black line) and Oz-saturated (green line) conditions across different pH solutions: pH
1 (D), pH 4 (E), pH 10 (F), pH 13 (G). The X and Y zones indicate the potential regions where
the X and Y redox couples are identifiable in a CV under Ar—saturated conditions. C* signifies
the potential region of positive excess charge, while C™ represents the potential region of
negative excess charge. (H) Potential regions of C" and C~ observed across varying pH
solutions. The red and blue lines represent the potential regions where the X and Y redox

reactions can be observed under Ar-saturated conditions, respectively.

Under saturated Oz conditions, the potential region of the ORR consistently aligns with
the potential regions where the X and Y redox reactions can be observed in the absence of Oz,
as depicted in Fig. 7A and B. Given that the peak potential of the ORR, denoted as Eorr,
remains constant regardless of variations in the oxygen quantity, Eorr apparently is not affected
by kinetic factors, and therefore considered to be an interesting descriptor to monitor (Fig. S10).
By recording Eorr across different pH values and constructing a corresponding Pourbaix
diagram (Fig. 7C), distinct Eorr slopes (vs. NHE) become apparent. For pH levels lower than
8, Eorr does not shift on the NHE reference scale. However, Eorr displays a decrement of
—31mV/pH once the pH surpasses 8. This dual Eorr slope pattern in the Pourbaix diagram
suggests that the rate—determining step of the electrochemical ORR process involves only
electron transfer steps (0, + e~ 2 0, ) within the pH range of 1-8, whereas it transitions to a

two—electron and one—proton process (0, + H* + 2e~ 2 HO; ) when the pH exceeds 8.

Gold, characterized by a weak oxygen binding energy, experiences a pronounced
reduction in ORR overpotential when transitioning from acidic to alkaline solutions, a
phenomenon akin to other materials exhibiting weak oxygen binding energies.®® In terms of
whether oxygen directly adsorb onto the catalyst, the ORR process can be conceptually divided
into a surface-dependent inner-sphere electron transfer mechanism and a surface-independent
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outer-sphere electron transfer mechanism.’! Materials with low oxygen binding energies,
including Au,%? Ag,% carbon materials® and several oxides,® have been proposed to reduce O
through an outer-sphere electron transfer process. Within this context, it has been hypothesized
that chemisorbed anions function as outer-sphere bridges between the Oz and the Au surface,
thereby stabilizing catalytic intermediates in alkaline solutions.®® %% % However, the outer-
sphere electron transfer mechanism alone does not comprehensively explain the two distinct

trends in ORR activities exhibited by these systems, occurring both below and above pH 8.

We conducted a comparatively analysis of the frequency response as a function of the
applied potential using EQCM in both Ar—saturated and O2—saturated solutions ( Fig. 7D-G).
When the pH of the solution is below 8, a notable difference is observed when comparing the
conditions under saturated Ar and O:. Specifically, the PRMF width diminishes, and the onset
potential of C* zone, denoted as onset C* undergoes a negative potential shift under saturated
Oz. (Fig. 7D and E). In instances where the pH is 1, the onset C* shifts from 0.55 V vs. RHE
under Ar to 0 V vs. RHE under Oz (Fig. 7D). Similarly, at pH 4, the onset C" transition occurs
from 0.67 V vs. RHE under Ar to 0.3 V vs. RHE under O2 (Fig. 7E). Moreover, EQCM analysis
in presence of oxygen shows that the onset potential of the ORR falls within the C* region when

the pH is below 8 (Fig. S11A and B).

Conversely, when the pH of the solution exceeds 8, a noticeable disparity of potential
regions emerges in the PRMF and the C™ zone comparing saturated Ar and Oa. Notably, under
02 —saturated conditions, the PRMF consistently maintains its presence, even as the Faradaic
current associated with catalytic Oz reduction increases by a factor of 150 when compared to
the current under Ar conditions (Fig. S11C and D). Moreover, its width expands in conjunction
with the negatively shifted onset potential of the C™ zone, recognized as onset C™ (Fig. 7F and

G).

Assuming that the variables resulting from the ORR reaction process, such as pH
fluctuations and the quantities of reactants and products, have a minimal impact on the EQCM
signal, the identification of the PRMF, C" and C™ zones within O>— saturated solutions becomes
straightforward, as depicted in Fig. 7H. Any distinction can be easily observed when comparing

conditions under Oz (Fig. 7H) with that under Ar (Fig. 6D). Notably, when the pH is below 8,
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the width of PRMF diminishes, and onset C* shifts negatively. Conversely, the width of PRMF
expands, and the onset C shifts negatively when the pH exceeds 8. This notable change in the
PRMF under Oz—saturated conditions could potentially imply that the presence of Oz leads to

the detachment of perchlorate from the electrode surface, while hydroxide remains bound.

In essence, the precise identification of the PRMF, C" and C™ zones reveals how the excess
free charge may change under catalytic ORR conditions under the assumption that —Af

changes directly correlate with the excess charge.
4.2.4 Charge distribution at electrified interfaces

The essence of the electrified interface lies in comprehending the distribution of the excess
free charge. Assuming that Af gives us the full picture regarding the surface excess charge, the
processes occuring at the gold surface can be devided in a Faradaic process involving surface
redox reactions in the PRMF, and non-Faradaic processes that occur in the C™ and C" zones.
To assess these two processes, we examined the differential capacitances at varying pH, as
depicted in Fig. 8A. Beyond the potential range of the surface redox reactions (X and Y zones),
a differential capacitance of approximately 18 uF/cm? is observed. However, within the X
and/or Y redox regions, the presence of charge transfer from chemical adsorption/desorption
enhances the differential capacitance, resulting in a bell-shaped curve with a maximum

capacitance of 50 uF/cm?

. The bell-shaped differential capacitance arises from the
chemisorption of perchlorate (X region) and hydroxide (Y region) on gold. The chemical
adsorption/desorption of perchlorate within the pH rang of 1-8 (Fig. 8B) and hydroxide within
pH 8-13 (Fig. 8C) constitute two distinct surface redox reactions. We speculate that these
surface reactions apparently impede the buildup of excess charge, resulting in the appearance
of a PRMF where —Af remains minimal in EQCM experiments. This may suggest that excess

charge is established and augmented only after the completion of chemical adsorption (during

a positive scan) or desorption (during a negative scan) (Fig. 8D).

To analyze the net Faradaic charge distribution of surface redox reactions existing in the
PRMF, we sum the integrated charge of adsorption during positive and desorption during

negative scan in a CV experiment (Section S3 (2) and Fig.S12). For the non-Faradaic regions
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(i.e. the C" and C™ zones), we can calculate the accumulated excess charge (AQ) using the
potential difference (AE) between the onset potential of the non-Faradaic region to the

calculated potential point, as well as the known capacitance (C,4,-) from a cyclic voltammogram

CarXAE

(Fig. 8A). The formula for calculating AQ is AQ = , where A is the electrode surface

area (section S3(3)). By plotting the calculated Faradaic charge in the PRMF area and the excess
charge in the non-Faradaic zones as a function of the applied potential, we can construct excess
free charge distribution diagrams that are based on our assumption that Af relates directly to

the surface excess charge. (Fig. 8E-F).

Determination of the distribution of excess charge during a catalytic process where
significant catalytic currents can be observed, has been unprecedented due to the lack of
appropriate methods. Our EQCM methodology allows for the exploration of the excess charge
by monitoring the frequency response during the catalytic oxygen reduction process. While it
is not feasible to measure the excess charge directly from current under catalytic conditions, we
managed to estimate the capacitance within Oz-saturated solutions by utilizing the relationship
between the frequency changes and the excess free charge. Based on the linear relationship
between the frequency changes observed by EQCM to the excess free charge, we speculate that

the slope of these frequency changes as a function of the potential change is linked to

capacitance through the equation C = E o« — (Flg S13). Assuming that the reactants and

products in a catalytic process do not signiﬁcantly influence the frequency of the EQCM, we

can obtain the difference in capacitance between an Oz and an Ar atmosphere, which can be

. . . . o . -A
related using a corrective coefficient (K). This coefficient is calculated as the ratio of A—Ef under

—Af.
. (35) c
Oz to the that recorded under Ar and is expressed as K = _Af—o =22
(E)Ar Car

By comparing the frequency response under Oz and under Ar, it becomes clear that K
correlates linearly with E within the C~ zone, while K is unaffected by E in the C* zone (Fig.
S13). This disparity is due to (_AA )o, not being fully linear in contrast to ( ) ar- The observed

disparity can likely be attributed to the occurrence of the ORR, which takes place prominently

in the PRMF and C™ zone but is less prevalent in the C* zone. Since K remains constant at 0.8
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in the C* zone (Fig. S13C), we assume the excess charge in the C* zone under O2 saturated

_0.8CprXAE

conditions using the equation AQ,, == . The determination of capacitance in the C™

zone under Oz conditions can be determined, and relies on the corrective coefficient K
expressed as Cyp, = K X Cy,, wherein K was found emperically to change with K = 0.18 —
0.24 X E (More details in Fig. S13 and section S4). Consequently, we can estimate the excess
charge in the C™ and C" zones, respectively, thereby unveiling a qualitative excess charge
distribution diagram under saturated Oz conditions as well. (Fig. 8G) Assuming excess free
charge is reflected by the frequency changes of EQCM, the diagram visually demonstrates how

the excess charge may fluctuate as a function of pH and the applied potential before and during

catalysis.
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Fig. 8 Proposed charge distribution diagram on the gold surface in a full pH scale. (A)
Average differential capacitances (C) calculated by cyclic voltammetry as a function of pH,
with a potential range of 0 — 1 V vs. RHE and scan rate of 0.05 V/s. The pH of the solutions is
adjusted using a mixture of 0.1 M HCIO4, NaClO4 and NaOH. (More calculation details are
shown in Section S3(1)). The red X and blue Y regions illustrate the contribution of ClO4™~ and
OH™ surface redox reactions to the increase in the capacitance of gold. (B) Proposed X redox
reaction (ClO4~ chemical adsorption/desorption ) on the gold surface. The red line represents a
segment of the CV involving the X redox reaction. (C) Proposed Y redox reaction (OH™
chemical adsorption/desorption ) on the gold surface. The blue line represents a segment of the
CV involving the Y redox reaction. (D) Proposed structure of the electric double layer (EDL)
on gold. The surface excess charge changes from negative (purple) to neutral and positive
(orange) as the applied potential increases. Dark green and dark red boxes represent the
chemical desorption and adsorption on the surface, respectively. (E) Distribution diagram of
the net Faradaic charge for specific adsorption/desorption involving electron transfer in an Ar-
saturated environment. The net charge of the surface redox reactions is the sum of integrated
charges from both the positive and negative scans. (More details are shown in Section S3(2)
and Fig.S12). (F) Surface excess charge distribution diagram on gold as a function of the pH
under an Ar—saturated solution, within the potential region of 0 — 1 V vs. RHE. Purple, white,
and orange colors represent three distinct excess charge states of the gold surface: negative,
neutral, and positive, respectively. The details of mathematical model of excess charge under
saturated Ar conditions are provided in Section S2(3). (G) Surface excess charge distribution
diagram on gold as a function of pH in Oz-saturated solutions, within the potential region of 0-
1 V vs. RHE. Purple, white, and orange colors represent three distinct excess charge states of
the gold surface: negative, neutral, and positive, respectively. Further details of the
mathematical model of excess charge under saturated Oz conditions are discussed in Section

S4.
4.3 Conclusion

In summary, our study presents a methodology for exploring the excess free charge by
EQCM. Through the analysis of three distinct frequency responses of a quartz crystal, we have
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successfully identified the potential regions where significant excess charge builds up on the
electrode, i.e. a positive excess charge concentrated in the C™ zone and a negative excess charge
localized in the C™ zone. Additionally, we pinpointed an apparent potential region of where
frequency changes cannot be detected by EQCM (PRMF), and where surface redox reactions
involving Faradaic charge transfer are occurring. This EQCM method appears to be very
versatile even during the electrocatalytic ORR. Moreover, our comprehensive EQCM and CV
analysis has allowed us to create informative excess free charge distribution diagrams. These
insights not only allow us to enhance our understanding of the interface environment in various
materials, but also lay the groundwork for future investigations into tracking the real excess
free charge dynamics during diverse chemical processes. Since the principles underlyinga —Af
response as a function of AQare not understood, and the precise reason for the absence of a
frequency response in the PRMF remains unknown, it is worthwhile to conduct further
investigations into these precise phenomena. This can be achieved through a comparative

analysis of different in situ methods and the application of more detailed mathematical models.
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Chapter 5

Since the application of voltammetry techniques have been expanded from its original
use with mercury electrodes to a wide range of solid materials, modern voltammetry has
evolved into an indispensable technique. It offers valuable insights into the electrochemical
properties and behavior of materials, and therefore has had a big impact in various field like
materials science, energy storage, corrosion studies, and sensor development. In a
voltammogram, the correct interpretation of the current response is exceptionally crucial
when the applied potential is changed by the potentiostat, but not always easy to unravel.
Historically, gold was the focal point in some of the earliest discussions in electrochemical
surface science, notably in the studies of Frumkin, Butler, Browden and Rideal, which took
place simultaneously with initial research on mercury.! The knowledge gained by the
interpretation of the electrochemical behavior of gold has had a profound impact on many

modern scientific fields.!?

In this thesis we investigated the relationship between the type of oxide and the oxygen
evolution reaction (OER) activity by combining in situ Raman and voltammetry
measurements (Chapter 2). We explored the behavior of the oxide reduction peaks using
Rotating Ring-Disk Electrode (RRDE) and Electrochemical Quartz Crystal Microbalance
(EQCM), thereby uncovering important details of the structural reconstruction of gold oxides
(Chapter 3). Additionally, we evaluated the distribution of surface charges in the presence of
chemical adsorption events and even in the oxygen reduction reaction (ORR) catalytic process
using EQCM (Chapter 4). In this Chapter, the primary objective is to summarize the findings

described in this thesis, and share some insights from our findings.

The separated reduction waves observed for gold oxides indicate the reduction of
distinct types of oxide, rather than reductions of the so-called inner and outer oxide

layers.

The experimental exploration of oxide formation in electrochemistry can be traced back
to the 1930s. The introduction of the “charge-curve” method, initially employed by Bowden
and Rideal* for measuring the double layer capacitance at Hg, independently saw applications

to the study of electrochemical processes at Pt and Au by Frumkin et.al. and by Butler et. al.
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in the early 1930s."> A significant stride was taken in the 1960s by Will and Knorr,® who
advanced our understanding of electrochemical surface processes at noble metals through the
use of potentiostats. This method, an extension of the potential-sweep approach ( i.e.
voltammetry) already employed in polarography at DME, offered a new avenue for exploring
interfacial processes at noble metals. The adoption of controlled-potential techniques,
facilitated by electrochemical instrumentation, grants a level of control that is crucial for
studying anodic oxide film formation at metals — an advantage not easily achieved through
the examination of oxide film formation from the gas phase or with controlled current

methods.

In the exploration of the oxide layer formation and reduction, electrochemists have made
connections between different reduction waves and distinct oxide layers. This line of thought
traces back to Shibata’s findings on the reduction of thick-film Pt oxide reduction, where he
discerned between the quasi-2d oxide film (o state) and the thick () oxide during a potential
sweep towards negative potentials.”-® Shibata proposed that the thick (B) oxide would be
situated between the bulk metal and a layer of newly deposited metal atoms on the exterior of

the remaining 3 oxide, arising from the reduction of the a state oxide.

Burke and Roche, however, introduced an alternative model known as the hydrous oxide
model.>? According to the Burke model, a thick metal oxide comprises an inner monolayer
(compact and anhydrous) and an outer oxide layer (dispersed and hydrous). In the hydrous
oxide model, the inner oxide layer is reduced first before the outer oxide layers. Although
these papers lacked any direct experimental evidence linking the oxide layers with the
reduction peaks, these paved the way for further research, encompassing a broader range of
materials to probe their various oxide layers by tracing reduction peaks.'® ! As a direct
consequence, voltametric data have been mistakenly regarded as a convenient means to

distinguish between the inner anhydrous oxide layer and the outer hydrous oxide layer.

In chapter 2, our exploration delved into analysis of the reduction peaks of gold oxide
across the entire pH scale, revealing a significant flaw in the existing hydrous oxide model.
First of all the Oz reduction peak has been frequently misconstrued as an oxide reduction peak

in the common literature, leading to severe misinterpretations in the analysis of oxide layer
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structure. While it is evident that gold oxides possess inner and outer components, the critical
question that thus far has not been answered is whether electrochemical reduction of these
inner and outer components is responsible for the observation of multiple gold oxide

reduction waves observed in the voltammogram.

We therefore conducted a more in-depth investigation into the reduction chemistry of
gold oxide, employing a combination of cyclic voltammetry and surface-enhanced Raman
spectroscopy. Ultimately, we confirmed the presence of two distinct types of oxides (o oxide
and P oxide). This oxide classification was pinpointed by systematic tracing of the gold oxide
reduction behavior and by conducting in situ surface-enhanced Raman spectroscopy (SERS).
In addition, we investigated the relationship between the OER activity and in relation to the
type of oxide present and found that the two oxides are both pivotal for the OER, yet lead to
different OER pathways. Thereby, this discovery significantly contributed to our

understanding of why the OER activity on gold varies considerably as a function of pH.

The anomalous potential shifts that are observed in in case of the gold oxide reduction
waves are not caused by mysterious ion effects from the electrolyte; Instead, these
accurately reflect the way gold oxides undergo self-reconstruction processes.

Presently, our comprehension of the metal oxide structure on the atomic—scale mainly

12-14 and computations on well-defined

relies on ex situ spectroscopic techniques in vacuum,
and highly symmetrical metal surfaces. However, during catalysis, the corrosion and
reconstruction of the metal oxide surface give rise to the formation of amorphous structures.
These amorphous structures significantly differ from the original well-defined crystalline
materials studied in vacuum and by computations.'*!7 At present the scientific community
knows very little about the atomic structure of real metal oxide catalysts, especially at the
solid liquid interface where electrocatalysis occurs. Therefore how the structure of amorphous

oxides changes during a catalytic process is seen as one of the most challenging scientific

questions .4

In Chapter 2, we corrected the traditional hydrous model, which mistakenly regarded

different gold oxide reduction peaks as the reduction process from distinct oxide layers. The
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disruption of that model has prompted us to reconsider the true underlying reasons behind the
non-Nernstian behavior , i.e. abnormal potential shift, of the gold oxide reduction waves. This
is crucial because many interpretations of non-Nernstian behavior on oxides in the past were
built upon misinterpretations related to the hydrous model. For these reasons, we present our

findings in Chapter 3.

In Chapter 3, we explored the intriguing "non-Nernstian behavior" characterized by
anomalous potential shifts in the oxide reduction peaks of CVs. Our exploration was facilitated
by employing advanced in situ techniques, including Rotating Ring-Disk Electrode (RRDE)
and Electrochemical Quartz Crystal Microbalance (EQCM). These tools enabled us to probe
deeply into the intricacies of the amorphous oxide structure within realistic catalytic
environments.For instance, we could pinpoint the moment of Au*" detection in the oxide
reduction process by observing the reduction current of Au*" on the ring during an RRDE
experiment. By investigating the moment of mass loss on EQCM, we gained insights into the
role of these Au®" ions in stabilizing the interface between oxides and solutions. In the end, the
data from various techniques interconnected, revealing that Au*" cations play a crucial role in
the chemistry of gold oxide. They form bonds with nucleophiles present within the amorphous
gold oxide layer and the electrolyte solution, thereby dominating the interactions at the solid-

liquid interface.

In this study we introduce an important connection between the non-covalent states of
metals (ionic and hydrous metal cations) within covalent oxides and the dynamic evolution of
oxide structures by tracing the non-Nernstian behaviors of gold oxide reduction. This
newfound connection lies the basis for a more accurate understanding of the electrochemical
behavior of oxides. This shows that is possible to trace structural changes caused by metal
ions within amorphous metal oxides by investigating the Non-Nernstian behavior of such
oxides. It serves as a reminder that understanding the manner in which metals are bound
within the metal oxide (ionic bond, covalent bond or hydrogen bond) is crucial for
comprehending the dynamic behavior of such metal oxides under realistic operating

conditions.
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Exploring the surface charge distribution during chemical adsorption/desorption and

catalytic processes is possible by employing EQCM.

Inspired by the work in the preceding two Chapters (which focused on the potential
range where oxides exist in voltammetry), the focus of chapter 4 lies with the relatively
negative potential ranges where no oxides are present—specifically, the electrochemical
double layer potential range. Here a new investigation was built from the ground up to
understand the electrochemical behavior at the double layer region on gold. Thus, Chapter 4

came into being.

Our original comprehension of the electric double layer structure at interface comes from
surface tension measurements on mercury, where the potential of zero charge (PZC) is
pinpointed as the potential corresponding to the maximal surface tension on an
electrocapillary curve.!® Variations in the surface excess charge will induce a redistribution of
ions, resulting in the non-Faradaic currents that can be observed in a CV. Because there is a
correlation between excess charge and non-Faradaic current, it allows us to investigate excess
charge by current response without surface tension measurements. The correlation is crucial
for solid electrode, as surface tension measurements are impossible on solid materials. Thus
electrochemical capacitance measurements calculated from the current responses in a
voltammogram have played a crucial role in understanding the electrochemical interface

structure on the electrode surface, particularly for solid electrodes.

However the presence of Faradaic current resulting from the chemical
adsorption/desorption of ions poses a challenge to the accuracy of capacitance measurements,
given that chemical processes frequently occurs at solid electrodes. While numerous modified
GCS models discuss the double layer structure by incorporating adsorption/desorption
involving electron transfer, it must be emphasized that we still lack a precise understanding of

how excess charge is built up exactly in the presence of chemical adsorption/desorption.

The use of the EQCM may allow for new insights into our understanding of
electrochemical interfaces. The potential use of QCM as a mass sensor was first demonstrated

by Sauerbrey in 1959. Nomura and Okuhara extended the applicability of QCM to liquid
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based systems in their 1982 publication, initiating the development of EQCM for the field of
interfacial electrochemistry.!® Initially, QCMs were predominantly utilized as monitors for
thin film deposition to control the film thickness. The initial application of EQCM
measurements is rooted in the existence of a correlation between Faradaic charge involving
electrochemical deposition and the mass change. However, increasing research has revealed
that EQCM can also detect the electrostatic attraction of both ions and cations.?* 2! These
efforts have inspired our investigation into the distribution of excess charge on the gold
surface. This was primarily accomplished through the combination of voltammetry and

EQCM measurements.

In Chapter 4, we introduce the utilization of EQCM as an innovative approach to
discern and quantify the electrode excess free charge. The EQCM exploits the oscillation
frequency of a quartz crystal as a sensitive indicator of mass changes on a gold electrode. By
capitalizing on the frequency response of the quartz crystal to the electrostatic attraction of
free charges, this method may provide a means to identify the potential regions where a
positive and a negative excess charge exist, respectively. Through a comparison of the
frequency response recorded by the EQCM and the capacitance recorded by cyclic
voltammetry, we can estimated the amount of excess free charge and the Faradaic charge in
the entire pH scale. Furthermore, by examining the correlation between the excess free charge
and the frequency response, we have constructed excess free charge distribution diagrams for
both Ar and O: saturated solutions.These diagrams aim to visually depict how the excess

charge may fluctuate at specific pH levels and applied potentials before and during catalysis.

The experimental results are exciting because through this study, we not only gained
insights into the distribution of surface charges (excess charges and bound charges) in the
presence of chemical adsorption without interference from Faradaic currents but also
surprisingly discovered that this method of testing excess charge distribution may still be

possible even during the oxygen reduction process.

Our discoveries in this thesis underscore the need for further in-depth research. Firstly,
the Burke model involving different oxide layers was proposed based on the oxide reduction

behaviors of various Nobel metals. Chapter 2 reveals inaccuracies in applying the Burke
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model to gold, necessitating an examination of its applicability to other metals. Secondly, the
relatively limited influence of electrolyte ions on the gold oxide reduction behavior opens
avenues to explore the relationship between Non-Nernstian behaviors and oxide structure
changes (Chapter 3). Investigating the role of electrolyte ions in Non-Nernstian behaviors for
more complex metal oxides poses an intriguing question on how metal cations from oxide
play a role. Thirdly, our work indicates significant differences of interface environments for
oxygen evolution/reduction on gold. Consequently, understanding these electrode structural
changes becomes crucial for explaining the high overpotential of these reactions (Chapter2-
4). Lastly, Chapter 4 demonstrates that EQCM may be used to explore excess free charge on
gold during ORR. This raises the intriguing possibility of investigating excess free charge on

various materials and in different electrochemical reaction processes.

Besides, these three Chapters we mentioned earlier inspired us to reconsider more
complex questions about how we comprehend the connection between applied potential and
current in voltammetry. For example, how do we interpret changes in the shapes of redox
peaks over different time scales, such as measurement time? How do we precisely identify the
spatial distribution of active species in different homogeneous and heterogeneous processes in
voltammetry? And Why do we sometime observe an imbalance between oxidation and

reduction charges in voltammetry?
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Fig. S1 The onset potential of OER 1is acquired by intersection of tangents between the
baseline (horizontal line) and the rising current in the positive scan of cyclic voltammograms.'

The angle between two intersection was fixed at 45°.
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Fig. S2 Schematic diagram of electrochemical setup for in situ surface-enhanced Raman

spectroscopic measurements.
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Fig. S3 Cyclic voltammogram of gold electrode at 50 mV/s in 0.1 M H2SO4 before and after
gold surface roughing process. A successful roughing should show a significant enhanced
current (at least 5 times) in a CV of roughed gold.
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Fig. S4 The reduction potential where the o peak (red) and B peak (blue) are observed at

different rotation rates. At pH 1 and pH 13 the positions of peak potential of the o and B peaks

are not dependent on the rotation rate. At non rotating conditions the potential at which the o

and P peaks occur has massively shifted in neutral solution compared to in the acidic and

alkaline situation. However, upon rotation the potential of the a and B peak in neutral solution

revert to the same position as observed in acidic and alkaline conditions. The peak potentials

are obtained from Figure 3b in the main text.
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Figure S5 Cyclic voltammograms of gold at 50 mV/s with different upper potentials limits in
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Fig. S6 CVs of gold at a range of scan rates between 30 and 210 mV/s in 0.1 M H2SO4 (a) or

0.1 M NaOH (b).Plot of peak currents of two oxides reduction as a function of scan rate.

Figure S6 shows the effect of scan rates to oxide reduction peaks. Because oxide reduction is
an irreversible electrochemical process, both of two oxides show minor negative potential
shift with increase of scan rate from 30 to 210 mV/s, as shown in Fig. S6, where a peak
potential is at 1.16 + 0.02 V and 3 peak potential is at 1.03 + 0.03 V. Besides, reduction peaks
was found to be linearly dependent on scan rates, not the square root of the scan rate. This
reveals the redox reaction is confined to the electrode surface, i.e. no diffusion mode, which

meet the characteristics of oxide reduction on the gold surface.
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Fig. S7 In situ SERS of gold at 1.6V vs. RHE in Ar-saturated 0.1 M HClO4 (pink line) and
H2S04 (red line) solution.. The v(Au-O) vibration was observed at 590 cm™ and the v(O-O)
vibration of Au-OOH was observed at 820 cm™ in 0.1 M HCIOs solution, which is consistent
with previous reports in HC1O4 solution.?* The v(Au-O) vibration and the v(O-O) vibration of
Au-OOH have shifted to 545 cm™ and 790 cm™ in 0.1 M H2SO4 , which may be caused by
adsorption of sulfate ions in H2SO4. Note that the v(Au-O) vibration was reported to shift as a

function of the oxidation potential.*
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Fig. S8 Shown is the part of the CVs involving oxygen evolution, as a function of pH
belonging to Figure 6a of the main text. Conditions: scan range is 0-2 V vs. RHE at 50 mv/s.
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Fig. S9 a. OER activity was measured from the average (red) of the backwards (black) and
forward (black) current density in a CV under steady-state conditions (1 mV s™!). b. Tafel
plot, which was obtained from the average of OER activity (red dot line in (a))

Table S1 Tafel slopes in different pH solution, which is calculated from Figure S9

pH 1 1.5 2 2.5 5 6 7 8 9 115 12 125 129

Tafel slope 128 126 128 108 124 160 192 158 119 79 64 61 73
(mV/decade)

References

(1) Huang, Z. F.; Wang, J.; Peng, Y.; Jung, C.-Y.; Fisher, A.; Wang, X., Adv. Energy Mater. 2017, 7, 1700544.

(2) Liu, K.; Chen, T.; He, S.; Robbins, J. P.; Podkolzin, S. G.; Tian, F., Angew. Chem. Int. Ed. Engl. 2017, 56, 12952-12957.
(3) Diaz-Morales, O.; Calle-Vallejo, F.; de Munck, C.; Koper, M. T. M., Chem. Sci. 2013, 4, 2334-2343.

(4) Yeo, B. S.; Klaus, S. L.; Ross, P. N.; Mathies, R. A.; Bell, A. T., Chemphyschem 2010, 11, 1854-7

111



E '~'—";.'233

- RAEFRAEF,  not where they are, " )
' o S F 1N TS Ao but how they exist.

o #£4¢, Thekeyis, -

—




Supporting Information for Chapter 3

The PDF file includes:

Materials and Methods
Supplementary Text
Figs. S1to S16

Tables S1



Appendix 11

Materials and Methods

General.

All glassware was thoroughly cleaned to remove impurities by overnight submersion in
an aqueous 0.5 M H2SOs4 solution mixed with 6.3 mM KMnOs, followed by removal of
excess KMnOs4 on the glassware in diluted H2SO4 and H202. The glassware was subsequently
rinsed five times and boiled three times in Millipore MilliQ water (resistivity is 18.2 MQ cm).
Prior to each electrochemical experiment, the glassware was boiled once in MilliQ water.
Alumina suspensions (1.0, 0.3, and 0.05 um) were obtained from Buehler. Electrolyte
solutions were prepared with Suprapur® (Merck) reagents and MilliQ water. Determination
of the pH was done using a Hanna Instruments HI 4222 pH meter which was calibrated using

IUPAC standard buffers.

Electrochemical measurements.

All electrochemical measurements were conducted with Autolab PGSTAT 12, 204 and
128N potentiostats in combination with Autolab NOVA software and carried out in
conventional single compartment three—electrode glass cells at around 25 °C. A PEEK
encapsulated gold electrode (A = 0.0314 cm?, Metrohm) was used as working electrode, and a
gold wire was the counter electrode, while a reversible hydrogen electrode (RHE) was
employed as the reference electrode. Before a measurement, the working electrode (the PEEK
encapsulated gold) was manually polished for 2 minutes with 1.0, 0.3, and then 0.05 pm
alumina suspensions on Buehler cloth polishing pads, followed by sonication in MilliQ water
for 10 minutes. A gold wire to be used as the counter electrode was flame annealed and rinsed
with MilliQ water. The reference electrode (RHE) consisted of a Pt wire and was connected

via a Luggin capillary and continuously bubbled with H2 gas during each measurement.

The pH 1-13 solutions were obtained by mixing 0.1 M HCIO4, NaOH and NaClOa.
Unless stated otherwise, pH 1-13 represent solutions with fixed pH value comprising HC1O4,
NaOH and NaClOs4 in this article and the ionic strength of the electrolyte solution was kept at

0.1 M. The solutions with different cations (Li*, Na", K*, Cs") and at different pH were
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obtained by mixing HC1O4, hydroxide and perchlorate salts, shown in fig. S3. Here, in order
to better compare the effects of cations to gold oxide reduction, the concentration of
electrolyte solution was kept at 0.05 M rather than 0.1 M due to the low solubility of CsClOa.
Dissolved oxygen was removed from the solution prior to each measurements by bubbling
argon (purity grade 5.0) for at least 30 min. Argon was kept flowing above the solution during

all experiments.

Rotating ring—disk electrode (RRDE)

RRDE experiments were conducted using an Autolab PGSTAT 12 potentiostat and a
Pine Instruments MSR rotator. All measurements were done in a custom—build glass two—
compartment cell with a three—electrode setup. A gold wire was used as a counter electrode,
separated from the main compartment by a glass frit. A gold disk (A=0.196 cm?) was used in
conjunction with gold ring in a Pine Instruments E6R1 ChangeDisk setup. To detect the
release of Au’* from the disk, the ring was set at a fixed value below the potential of oxide
reduction, and higher than the onset potential of the oxygen reduction reaction (Eorr) on gold.
Because Eorr on gold changes with pH, the Ering was set at 0.6 V in 0.1 M HCIO4 and
NaClOs4 and at 0.9 V in an alkaline solution.

Electrochemical quartz crystal microbalance (EQCM)

The EQCM experiments were conducted using an Autolab PGSTAT 128N potentiostat
and a 5 mL Autolab EQCM cell. An Autolab gold coated quartz crystal EQCM electrode (A =
0.35 cm?, gold layer thickness = 100 nm) was used as the working electrode and a coiled gold

wire was used as the counter electrode. An RHE Luggin setup was used as the reference

electrode.(37)

Supplementary Text

S1. Literature overview of oxide formation
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In general, the oxidation of noble metals includes the two—dimensional surface processes
wherein OH and O chemisorption occurs, quasi—three dimensional surface reconstruction by a
place exchange between the OH and/or O species and surface metal atoms, and thickening of
the oxide film in a high electrostatic field or upon long oxidation times. Historically, cathodic
reduction of oxide was mainly used to determinate the oxide thickness and to investigate the
different layers of oxides. For the reduction of a metal oxide (M,0, + 2xH* + 2xe™ —
2M + xH,0), the Nernst equation indicates that the reduction potential of oxide should not
change on the RHE scale. However, such metal oxide reduction peaks often do show an
abnormal potential shift. i.e. a non—Nernstian shift, especially when the oxidation potential
increases. It is worth noting that non—Nernstian behavior is not only observed for noble metal

oxides but has been extensively reported in case of many other metal oxides.(7, 38-40)

Explanations of the non—Nernstian behavior of the reduction of metal oxides vary
substantially over literature, such as the strong effects of anions chemisorption, (4/) a
hysteresis behavior caused by the irreversible quasi—3 dimensional oxide formation(/7), the
effect of oxidation state changes, (42, 43) or a slow reduction process of the outer layer of a
thick oxide (21, 24). We must point out that these above discussions are speculations and

were never directly proven leading to a rather one—sided conclusion.

Non—Nernstian behavior of metal oxide reduction reactions often appear in oxide
corrosion studies.(26, 44) This triggered the hypothesis whether the non—Nernstian behavior
of the oxide reduction reaction may be directly caused by the self-reconstruction of oxides.
Gold is frequently seen as the most ideal noble metal for the investigation of oxide formation.
First, gold has very weak chemisorption properties so that it shows a wide double layer
region, thereby avoiding the effect of co—adsorption of electrolytes during the oxide reduction
process. Second, Au(+III) has been shown to be the only stable oxidation state observed in
gold oxides by ex situ X—ray photoelectron spectroscopy(22) and in situ extended X-ray
absorption fine—structure studies.(23) Normally only two stable forms of oxidized gold can be
observed in the Pourbaix diagrams of gold, i.e. auric oxide (Au203) and gold trihydroxide

(Au(OH)3),(44) as shown in fig. S9.
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In our previous research, we found that two independent forms of gold oxides, i.e o and
B, are present at all pH values when the initial oxide layer forms.(8) The a phase is preferably
formed in an acidic environment, while the § phase is preferably produced under alkaline
conditions. Both phases can coexist in neutral solutions. We assigned the two oxides to Au203
(o oxide) and Au(OH)s (B oxide) by combining our in situ Surface—Enhanced Raman
Spectroscopy (SERS) experiment and computational results by the Koper group.(45)
However, all these previous studies do not answer why the oxide reduction peaks show non—

Nernstian behavior.

S2 Detection of hydration shells surrounding Au®' at neutral conditions by the RRDE ring

In the RRDE experiment at pH 7, when the potential is negatively scanned in order to
reduce gold oxide, the consumed protons in the § oxide reduction reaction most likely do not
stem from the bulk solution, but must come from the hydration shells of Au3" itself.
Consumed protons are not easily compensated for given that the concentration of protons at
neutral conditions is low. Therefore the pH of the surface hydration shells must increase
rapidly, especially at pH 7. This causes the hydration shells to obtain a negative charge at its

surface:
AU(OH)3 (HzO)nAu3+ + 38_ - Au + 3H20 + (HO_)3(H20)n_3 Au3+

Based on the Nernst-Planck equation, the total current distribution is a summation of a
diffusion, convection and migration in a RRDE experiment.(27, 28, 46, 47) The ionic
migration is driven by the gradient of electric filed (AE /1) in the potential (AE)) over distance
(1).(27) In the presence of an excess of supporting electrolyte, the ionic migration to the flux
of electroactive species is often neglected to simplify the mass transfer conditions. (47)
However, for many cases AE /1 is hard to reduce and the ionic migration affect remains

important in a RRDE experiment.(28, 46)
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In RRDE experiments in a neutral solution, we observed that a positive current appears
first on the ring, and is followed by a negative current ,when Ering is set at higher than 0 V vs.

RHE (fig. S4). Our observations are as follows:

1) The positive current is observed first and is followed by a negative current. This is

independently of the lower vertex potential and scan direction set at the disk (fig. S4A-D).

2) The positive current is heavily dependent on the rotation rate (fig. S4E-F), and largely
disappears at high mass transport rates (fig. S4F).

3) When change the rotation rates, the negative current detected on the ring does not
change, while the positive current rapidly decreases with increasing rotation rates. While the
positive current decreases, the potential at which the negative current occurs starts to shift to

more positive potentials (fig. S4E).

4) Additionally, the positive current can be detected at low Ering (Ering™> 0 V vs.RHE),

which excludes the formation of most reactive oxygen species being responsible.

This reflects that the observed delay of Au3* reduction is directly related by an event
that apparently causes an unusual positive current on the ring. Based on these observation, we
deduced that the positive current does not belong to a Faradaic current caused by an oxidation
reaction, but should be assigned to a non-Faradaic current that is caused by the migration of
considerably large hydration shells that accompany Au3*, and largely have a negative charge
due to the gold oxide reduction reaction mediated under neutral conditions. When the rotation
rate increases the mass transfer of proton, the electronegativity decrease as the hydration shell

is refreshed.

These hydration shells with a negatively charged surface migrate to the ring of RRDE to
initially cause a non—Faradaic positive current, as shown in fig. S4. Detection of such a non—
Faradaic positive current is therefore considered as a significant finger print for the presence
Au3t bearing a significant hydration shells at the surface of gold oxide. There are two ways to

reduce the Au3* cations present within these hydration shells:

116



Supporting information for Chapter 3

1) A step-by-step reduction including shell release, shell peeling and finally Au3*
reduction. This process shows a delayed Au*" reduction current on the ring due to an
interference with the non—Faradaic caused by the shell migration and due the slow shell

peeling process (fig. S4).

2) A direct reduction of Au** can be performed at a sufficiently negative ring potential (<
0 V) that is necessary to overcome the energy barrier for electron tunneling through the

hydration shells (Fig. 2D)

S3 The presence of ionized Au®' and hydrous Au*" on the oxides surface relates to the

stability of the interface double layer

Our EQCM results show that the mass loss does not start at the beginning of the oxide
reduction process. Instead the mass loss takes place immediately and quickly when the
potential is scanned over a particular threshold value (Ey). In an acidic solution (Fig. 3B),
when E+ is set below 1.5 V, the emergence of Ey is independent of Eq and Eg. Yet Ey shifts
consistently with Eq once E+ > 1.5 V. Our RRDE experiments show that ionized Au®" exists
in o oxide when E+ > 1.5 V.(Fig. 2B) This suggests that the presence of Au’* relates to the

behavior of Ey as well.

It is important to note that the detected frequency changes reflect the mass change of the
absorption layer, which does not only include the actual oxide layer itself, but also the rigid
adsorption layer at the solid-electrolyte interface, which relates to the interface properties
(viscosity, density etc.) and weight of the solvation shell and ions present therein. (30-32) In
fig. S8, we compared the difference between the oxide mass change calculated from the
overall charge transferred during the gold oxide formation, and the total mass change detected
by the QCM. In an acidic solution, when ionic Au** forms on a oxide (E+>1.5V), total mass
increase is always bigger than the gold mass increase, as shown in fig. S8A. A similar
phenomenon also happens in a neutral solution (fig. S8C), when hydrous Au** forms on 8
oxide (E+>1.5V). Those observations clearly show that ionized Au** and hydrous Au** have
the ability to fix more molecules resulting in a heavier double layer, as shown in Fig. S§B and
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D. It worth to note that the extra mass change caused by hydrous Au®" is much bigger than
that caused by ionic Au**. This indicates hydrous Au®" ions bound to B oxide has a stronger
ability to bind molecule tightly in a neutral solution than ionic Au*" ions bound on a oxide in
an acidic solution. No significant additional mass is detected by EQCM if no Au®" is present
at the electrode surface. Under those conditions the mass changes detected by the EQCM fit
well with the presence of the lattice oxygen atoms belonging to the stoichiometry of AuxO3

and Au(OH)s.

According to our EQCM and RRDE experiments, the reduction of a oxide and the
release of Au’" start at the same time, i.e. the onset potentials of a reduction and Au** release
are the same as observed by RRDE experiments (fig. S11A). However, the mass loss starts
only when the scanning potential approaches Ea (fig. S5B). The change of Ey also follows a
similar trend in neutral and alkaline solutions: Ey is always closer to the peak potential rather
than the onset of the reduction reaction. Based on past research, oxide reduction is expected to
occur via a bottom-t