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Abstract 

The optimization of various electrochemical systems requires a detailed understanding 

of the properties of the electrified interface. The net orientation of solvent (e.g., water 

molecules) at the electrode/electrolyte interface, one of the essential interfacial 

properties, can tremendously influence the electrochemical processes such as the 

electrode activity and the charge and mass transfer at the interface. The potential of 

maximum entropy (PME), a significant parameter to associate with the electrode 

processes, can be used to reflect the net orientation of water molecules at the interface. 

The PME can be identified by the laser-induced current transient (LICT) technique. 

This in-situ technique has been considered a powerful tool for the investigation of 

various electrochemical systems. 

For a specific electrocatalytic reaction, the performance of this reaction can be affected 

by the nature of the electrode, such as the electrode composition and its structure. In the 

case of aqueous electrolytes, however, electrocatalytic processes can additionally be 

influenced by the electrolyte composition. Particularly interesting is the influence of 

electrolytes containing alkali metal cations since alkali metal cations are widely 

employed in laboratories and industries. Besides, the concentration of H+ and OH– ions 

(denoted as pH) also exhibits an obvious influence on the electrode processes. Although 

many scientific articles underlined the effect of electrolyte composition on various 

electrochemical processes, there is still a deficit in systematic and quantitative research. 

Therefore, it is imperative to understand why and how tuning the electrolyte 

compositions controls the electrocatalytic activity quantitatively. 

This work aims to correlate the influence of the electrolyte nature on the interfacial 

water structure and electrochemical processes via the determination of the PME by the 

LICT. Noble metal electrodes, i.e., polycrystalline platinum and gold, were used for 



 

6 

 

studying electrocatalysis at different pH values in the presence of HClO4 and (AM)2SO4 

(AM= Li+, Na+, K+, and Cs+) solutions. It has been demonstrated that the electrolyte 

can, in fact, affect the activity of the electrodes towards the hydrogen evolution or 

oxygen reduction reactions. The identified PME shows a clear trend between the nature 

of the electrolyte with the electrocatalytic reactions. Moreover, the LICT was applied 

to investigate the atomic structure of the Cu(111) electrode surface. Merging the LICT 

technique with in-situ electrochemical scanning tunneling microscopy, the results 

revealed that the Cu(111) surface slowly starts to restructure at the PME at pH 13 and 

pH 11 of NaClO4 solutions. Interestingly, the PME of Cu(111) shows a pH dependence 

on the standard hydrogen electrode scale in alkaline media. Furthermore, the cation 

effect on the oxygen evolution reaction (OER) activity of the surface-mounted metal-

organic framework (SURMOF) derivatives was studied with the LICT technique in 

alkaline media. It was found that the interface water structure of SURMOF correlates 

with the OER performance. 

Based on the observed results, it is believed that the LICT can help to improve the 

fundamental understanding of electrolyte effects on various electrochemical systems. 

This is a prerequisite for rational electrolyte engineering in electrocatalysis. 
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1. Introduction 

1.1 Energy Conversion and Storage: Current Situation and 

Outlook 

Renewable energy sources, such as wind, solar energy, and hydro energy, are widely 

developed to meet the continuous growth of total energy consumption of human society 

and to solve the environmental problems caused by traditional fossil fuels.1-3 Because 

of the variability and intermittency of these renewable energy sources, large-scale 

energy conversion and storage systems are required for efficient and sustainable energy 

applications.4-6 Hydrogen has been considered the most significant energy carrier due 

to its theoretical high energy conversion efficiency, convenient storage and transport, 

and high energy density.7-9 A large number of industries have already focused on the 

development of hydrogen production and application pathways and technologies after 

the Paris conference in 2015.10 For instance, hydrogen energy has emerged as one of 

the most promising energy options. It has successfully decreased air pollutions in China 

and Japan since 2017.7 Germany proposes to significantly cut CO2 emission (around 

179 MtCO2eq) by transitioning road transport partially from fossil to hydrogen 

energy.11 Well, 28% of the total CO2 emissions are caused by transportation, according 

to energy agencies reports.12 Fuel cells, being electrochemical cells for the conversion 

of chemical energy into electricity, are considered in this respect an ideal player in the 

transportation sector owing to their high efficiency and low environmental impacts.13-15 

Recently, fuel cells are applied extensively in submarines, ships, trains, and vehicles.16 

Thus, comparing the future renewable alternatives with the conventional use of fossil 

resources, one can expect fewer environmental issues, such as global warming, acid 

rain, and climate change (Figure 1.1).3,17,18 Therefore, the hydrogen-based energy 

storage systems provide a potential route to address various environmental problems 
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caused by classic fossil resources. 

 

Figure 1.1. A hypothetical comparison between the energy systems based on (A) traditional 

fossil fuels and (B) hydrogen energy. Reproduced with permission from reference 18. 

 

Hydrogen, as a secondary energy carrier, can be produced from various energy sources 

such as water and natural gas. Nowadays, about 71% of hydrogen is produced by steam 

reforming of natural gas.19 However, this production method can cause massive CO2 

emissions (around 10 times the amount of the hydrogen mass).20 Electrolytic water 

splitting, as a mature energy conversion method, is one of the most promising ways to 

develop an environmental-friendly and low-cost technology for large-scale hydrogen 

production.21-24 In such a system, water can be electrolyzed by electricity in the so-

called water electrolyzers to generate hydrogen and oxygen. The oxygen can be vented 

to the atmosphere, while the hydrogen is stored as a fuel and can be further oxidized in 

a fuel cell to regenerate water to release energy. However, the efficiency of the current 

state-of-the-art electrolyzers is insufficient. The production of hydrogen via water 

electrolysis continues to be a relatively expensive process. The global hydrogen 

production obtained by water electrolysis is far less than 1%, according to data reported 

in 2018.19 Thus, optimization of the electrolysis system is necessary. 
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1.2 The Role of the Electrolyte Composition in 

Electrocatalysis 

Theoretically, a voltage of 1.23 V is required to split water electrochemically under 

standard conditions.25 However, to overcome the activation barrier of the reaction, a 

high overpotential is always needed. This goes for fuel cells as well, especially for the 

slow four-electron transfer kinetics of the reactions taking place at the cathode (oxygen 

reduction reaction).26 The most efficient catalysts are always requested for both the 

anode and cathode sides to decrease the complicacy and cost of the system. To increase 

the number of active sites at the electrode surface and improve the electrocatalytic 

performance, one can introduce certain facets or defects to change electrode surface 

structure27-29 or create alloys to change electrode surface composition30-32. Countless 

studies have already focused on the optimization of the electrode to enhance the 

electrocatalytic activity.33-41 For instance, the hydrogen evolution reaction (HER) 

performance on Pt(111) modified with Ni and Fe electrocatalyst (NiFe@Pt(111)) was 

investigated in our previous work, as shown in Figure 1.2A and B. The HER activity 

of Pt modified with Ni-Fe clusters can be significantly increased in alkaline media. The 

overpotential at 10 mA cm–2 was approximately 128 mV.42  
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Figure 1.2. (A) Proposed mechanism of HER on NiFe@Pt(111) electrode in alkaline media. (B) 

Polarization curves of Pt(111) and modified Pt(111) electrodes observed in 0.1 M H2-saturated 

KOH solution. (C) and (D) HER activities of Pt(111) and NiFe@Pt(111) recorded in 0.1 M 

H2-saturated LiOH, NaOH, KOH, and CsOH, respectively. Reproduced with permission from 

reference 42. 

 

Although most studies focus on the modification of the electrode materials, the interest 

in the electrolyte composition effect is gradually increasing.43-47 The improved 

understanding of the electrochemical systems and better experimental methodologies 

contribute to more investigation of the electrolyte composition influence.48-52 Especially, 

the activity of certain electrocatalysts can be drastically influenced by the electrolyte 

composition, such as the Pt(111) and NiFe@Pt(111) electrodes in different alkali metal 

cation-containing electrolytes, as presented in Figure 1.2C and D. 

1.2.1 Effect of Cations 

The most prominent example for the cation effect is the alkali metal cation-containing 
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electrolyte due to their wide applications in both the laboratory and industry.53-55 For 

instance, Strmcnik et al. found that the non-covalent interactions between hydrated 

alkali metal cations and adsorbed OH species correlate to the oxygen reduction reaction 

(ORR) activities on Pt(111).56 The ORR on Pt(111) decreases in the sequence Cs+＞K+

＞ Na+ ＞ Li+, which is inversely proportional to the hydration energies of the 

corresponding cations, as shown in Figure 1.3A. The same trend was observed in a 

similar study on Pt/C catalyst (Figure 1.3B), where only K+, Na+, and Li+ were 

involved.57 

 

Figure 1.3. Polarization curves for the ORR of (A) Pt(111) and (B) Pt/C in various alkali metal 

cation-containing electrolytes. The ORR results for Pt(111) are taken from reference 56, while 

outcomes for Pt/C are taken from reference 57. 

 

The influence of alkali metal cations on the HER was observed for Pt(111) in acidic 

electrolytes, as shown in Figure 1.4.58 However, it has no linear relationship with the 

hydration energies of these cations due to the specifically adsorbing (bi)sulfate anions, 

which can block the active sites.  
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Figure 1.4. HER activities of Pt(111) electrodes in H2-saturated 0.05 M H2SO4 containing 

0.05 M (AM)2SO4 (AM = Li+, Na+, K+, Rb+, Cs+). Reproduced with permission from 

reference 58. 

 

1.2.2 Effect of Anions 

The specific adsorption of anions is poisonous to the catalytic centers, which can be 

considered the main reason for the anion effects.59-62 For instance, Lamy-Pitara et al. 

presented that the strongly adsorbed anions (HSO4
–, Cl–) can cause a decrease in the 

electrocatalytic oxidation of hydrogen of Pt.63 Zhu et al. found that CO3
2– and SO4

2– 

had significant effects on Pt/C and lowered the ORR activity even at a very low 

concentration in alkaline solution.64 Shin et al. demonstrated the effect of anions (Cl–, 

Br–, I–, ClO4
–, BF4

–, PF6
–) on the ORR activity of palladium nanoparticles in acidic 

media. They believed the influence of anions resulted from the interactions between the 

anions and the electrolytes affecting the local proton concentration around the catalyst 

surfaces, namely the local pH.65 

1.2.3 Effect of pH 

The role of the electrolyte pH is of crucial importance for electrocatalytic reactions, 
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such as the HER and ORR, due to the huge activity difference for various electrodes in 

alkaline and acidic media.66-69 However, the interpretation of the pH effect is a bit 

difficult.70,71 For instance, the metal-Had bond energy is regarded as a sole descriptor 

for the HER mechanism by many researchers.72,73 But this does not sufficiently explain 

the lower HER activity in alkaline solutions. The nature of the proton source and the 

presence of the surface adsorption must be considered.74 Strmcnik et al. summarized 

the pH effect on the HER activity of Au(111) in various pHs of 0.1 M NaClO4 solutions, 

as shown in Figure 1.5.74 Interestingly, increasing the electrolyte pH from 1 to 4 

changes the typical HER polarization profile, which indicates that the HER is 

apparently controlled by the mass transport of reactive hydronium species in this case. 

However, the polarization curves become pH-independent above pH 5. Under this 

condition, the HER is mainly governed by the pH-independent transformation of H2O 

to evolve H2.  

 

Figure 1.5. pH-dependent polarization curves for the HER of Au(111) in 0.1 M NaClO4 at 

rotation rates of 1600 rpm and sweep rate of 50mV/s. Reproduced with permission from 

reference 74. 

 

It should be mentioned that the cation and anion effect needs to be considered when 

investigating the pH effect, especially when involving specifically adsorbed anions.75 
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This makes it extremely difficult to decouple the pH effects and the contributions 

emanating from cations and anions. 

1.3 Aim of the Thesis 

The vital role of the electrolyte composition in electrocatalytic systems has been 

discussed in Section 1.2. However, it is difficult for electrochemists to interpret how 

and why electrolytes control the electrocatalytic processes experimentally. In this thesis, 

determination of the potential of maximum entropy (PME) was performed with the 

laser-induced current transient (LICT) technique, which is one of the most effective 

methods to study the electrolyte significance: 

1. The pH effect on the electrocatalytic activity was investigated for polycrystalline 

Pt and Au electrodes. The HER and ORR were used as model energy-relevant 

processes. The effect of dissolved oxygen on the interfacial water structure for both 

Pt and Au electrodes was considered. The corresponding PME measurements were 

carried out in HClO4 solutions at different pHs. 

2. The cation effect on the HER and ORR activities was investigated for 

polycrystalline Pt electrodes. Alkali metal cations were selected for the cation 

effect study due to their wide application in industry and laboratory. Beyond that, 

the pH effect in the presence of alkali metal cations was investigated for Pt and Au. 

The oxygen-saturated electrolytes were considered as well. 

3. The anion (NO3
–, ClO4

–, Cl–, Ac–, and SO4
2–) effect on the HER and ORR activities 

was studied for polycrystalline Pt.  

4. The investigation of the electrochemical interface structure of Cu(111) was carried 

out in alkaline solutions, and the pH effect on the interfacial structure for Cu(111) 

was investigated in 0.1 M NaClO4 solutions. 

5. The cation effect on metal-organic framework derivatives was studied. 



 

21 

 

2. Theoretical Part 

2.1 The Sabatier Principle 

The Sabatier principle, described by Paul Sabatier at the beginning of the 20th century, 

is one of the heterogeneous catalysis fundamentals.76 It states that the binding energy 

between the catalyst surface sites and the reaction intermediates should be neither too 

weak nor too strong. If the interaction is too weak, the catalyst fails to activate the 

reactants. Conversely, the intermediates or products block the catalyst surface if the 

interaction is too strong. Consequently, the binding energy between the surface sites 

and the reaction intermediates should be “just right” to provide efficient catalysis.77 

However, the original Sabatier principle is only qualitative. 

The quantification of the Sabatier principle can be achieved by the construction of the 

so-called volcano plots, which Balandin first reported.78 This is because the Sabatier 

principle can be related to the linear free energy relationships, such as the Brønsted 

relation, which represents a bridge between thermodynamics and kinetics.79 They are 

based on the observation that differences in activation energy arise from dissimilar 

reaction enthalpies. Therefore, in a volcano plot, the reaction activity (for example, in 

the case of electrocatalysis, the current density, half-wave potential, or overpotential) is 

plotted versus a descriptor (such as the heat of formation of a bulk compound or the 

heat of adsorption of one of the reactants), which is correlated with the stability of the 

intermediates. 

For instance, Figure 2.1 presents a volcano plot for the hydrogen evolution 

reaction (HER) on various metallic surfaces.80 The strength of the Me–H bond is used 

as the descriptor. The HER exchange current densities are applied to represent the 

reaction activity. The catalysts on the left side exhibit weaker Me–H bonds, and their 

activity is restricted by the adsorption of H atoms on the free catalytic site of the 
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electrode. The catalysts on the right side exhibit stronger Me–H bonds, and their activity 

is limited by creating an H–H bond and subsequent desorption of produced H2. Thus, 

the ideal catalyst for the HER activity should be located at the top of the volcano plot, 

that is, the highest exchange current densities, where the strength of the Me–H bond is 

just right. 

 

Figure 2.1. Volcano plot for the HER. Exchange current densities, log(i0), on monometallic 

surfaces are plotted as a function of the Me–H bond strength. Reproduced with permission from 

reference 80. 

 

The volcano plot, which combines the Sabatier principle with the scaling relations, has 

been successfully utilized to predict and explain the catalytic properties 

quantitatively.81-85 In addition, with the development of the density functional theory 

(DFT) methodology, more advanced descriptors of material properties (for instance, the 

OH adsorbates formation potential) were developed, and thus, the predictive power in 

catalyst design was improved.84,86-88 
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2.2 Active Sites 

The concept of active sites, which is fundamental to electrocatalytic reactions, states 

that several sites or regions on the catalyst surface mainly determine its overall 

performance.89-91 As mentioned in the last section, the Sabatier principle elucidates that 

the interaction between the catalyst surface and reaction intermediates should be 

optimal for the best activity performance. However, this interaction can differ between 

dissimilar sites on the surface, and it is not homogeneous at the atomic level.92 Thus, 

introducing the hypothesis of active sites is of significance for the fundamental 

understanding of electrocatalysis and the development of superior catalysts. 

Langmuir first claimed the existence of active sites to explain the catalytic activity of 

catalyst surfaces in 1922.93 According to his postulate, the catalyst surface comprises a 

finite number of sites that govern the overall activity. Taylor further elaborated this idea 

in 1925 and proposed that not all atoms on the surface of catalyst would be active for a 

particular reaction but only the so-called active sites.94 These reactions, which are 

predominated by the interaction between specific surface motifs and the reaction 

intermediates, are known as structure-sensitive reactions.95 The identification of the 

active sites at the solid/liquid interfaces is required to better understand the mechanism 

and improve catalyst design. As an example of an experimental tool, electrochemical 

scanning tunneling microscopy was successfully employed in the determination of the 

active sites by analyzing the noise level of the signal (n-EC-STM).96-98 

2.3 Fundamental Electrochemical Equations 

2.3.1 Nernst Equation 

In electrochemistry, a certain reaction will only take place at an electrode in an 

electrolyzer if the applied potential reaches a certain value. Therefore, to study 
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electrochemical systems, the electrode potential needs to be defined. However, the 

absolute potentials cannot be measured.99 

The chemical potential of component i, 𝜇𝑖, is defined as 

 𝜇𝑖 = 𝜇𝑖
0 + 𝑅𝑇 𝑙𝑛 𝑎𝑖 (2.1) 

where R is the universal gas constant, T is the temperature, 𝑎𝑖  is the activity of 

component i, and 𝜇𝑖
0 is the corresponding standard chemical potential of component i 

(when 𝑎=1). 

However, Equation 2.1 does not consider the electric contribution to the reaction 

processes. According to the modifications by Butler and Guggenheim100,101, 

Equation 2.1 becomes 

 𝜇𝑖 = 𝜇𝑖
0 + 𝑅𝑇 𝑙𝑛 𝑎𝑖 + 𝑧𝑖𝐹𝜑 (2.2) 

where 𝑧𝑖 is the charge of component i, F is the Faraday constant, 𝜑 is the electrostatic 

potential, 𝜇𝑖 is the electrochemical potential.  

Under equilibrium conditions (i.e., no net current flow), the free energy change, ∆𝐺𝑟, 

must be zero. Therefore, the fundamental equation for a chemical reaction in 

equilibrium can be written as 

     
∆𝐺𝑟 = ∑ 𝑣𝑖𝜇𝑖

𝑖

= 0 (2.3) 

where 𝑣𝑖 is the stoichiometric number of component i. 

For a general redox reaction, this chemical reaction under equilibrium conditions can 

be expressed as 

     𝑆𝑅𝑒𝑑 ⟺ 𝑆𝑂𝑥 + 𝑛𝑒− (2.4) 

where 𝑆𝑅𝑒𝑑 and 𝑆𝑂𝑥 term the reduced and oxidized components in the redox reaction, 
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respectively. 𝑛 is the stoichiometric number of electrons involved in the reaction. In 

this case, the corresponding chemical equation in the form of the electrochemical 

potentials can be written as 

      𝜇𝑅𝑒𝑑 = 𝜇𝑂𝑥 + 𝑛𝜇𝑒− (2.5) 

where 𝜇𝑅𝑒𝑑 , 𝜇𝑂𝑥  and 𝜇𝑒−  are the electrochemical potentials of the reduced 

components, the oxidized components, and the electrons, respectively. 

The combination of Equations 2.2, 2.3, and 2.5 yields 

      𝜇𝑅𝑒𝑑
0 + 𝑅𝑇 ln 𝑎𝑅𝑒𝑑 + 𝑛𝐹𝜑𝑀 = 𝜇𝑂𝑥

0 + 𝑅𝑇 ln 𝑎𝑂𝑥 + 𝑛𝐹𝜑𝑆 + 𝑛𝜇𝑒−
0  (2.6) 

where 𝜑𝑀 and 𝜑𝑆 are the potentials of the electrode and the electrolyte, respectively. 

From this equation, the Galvani potential difference between the electrode and the 

solution, ∆𝜑, can be obtained as 

      
∆𝜑 = 𝜑𝑀 − 𝜑𝑆 =

𝜇𝑂𝑥
0 + 𝑛𝜇𝑒−

0 − 𝜇𝑅𝑒𝑑
0

𝑛𝐹
+

𝑅𝑇

𝑛𝐹
𝑙𝑛

𝑎𝑂𝑥

𝑎𝑅𝑒𝑑

= ∆𝜑0 +
𝑅𝑇

𝑛𝐹
ln

𝑎𝑂𝑥

𝑎𝑅𝑒𝑑
 

(2.7) 

∆𝜑0  is called the standard Galvani potential difference, which is defined as the 

difference in the Galvani potentials of the electrolyte and the electrode when 𝑎𝑂𝑥 and 

𝑎𝑅𝑒𝑑 are equal. 

However, the Galvani potential difference cannot be experimentally measured. This is 

because the Galvani potential difference is always influenced if an additional measuring 

probe is introduced to the system. Instead, introducing a second electrode with a 

constant Galvani potential difference (𝛥𝜑′=const.) into the system, the potential of the 

working electrode (WE) can be measured by referencing it to the second electrode (𝐸 =

∆𝜑 − 𝛥𝜑′). This second electrode is called the reference electrode (RE). The potential 

difference between the WE and RE, 𝐸, is termed the electrode potential. The standard 
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electrode potential can be written as 𝐸0 = 𝛥𝜑0 − 𝛥𝜑′  in the case of standard 

conditions. Combining with Equation 2.7, the working electrode potential can be 

expressed as 

      𝐸 = 𝐸0 +
𝑅𝑇

𝑛𝐹
ln

𝑎𝑂𝑥

𝑎𝑅𝑒𝑑
 (2.8) 

This equation is the so-called Nernst equation. Considering an electrochemical process, 

which involves several redox reactions, 
 

∑ 𝑛𝑟𝑒𝑑𝑆𝑅𝑒𝑑

𝑅𝑒𝑑

⟺ ∑ 𝑛𝑂𝑥𝑆𝑂𝑥

𝑂𝑥

+ 𝑛𝑒− (2.9) 

Equation 2.6 becomes 

      
∑ 𝑛𝑅𝑒𝑑

𝑅𝑒𝑑

(𝜇𝑅𝑒𝑑
0 + 𝑅𝑇 ln 𝑎𝑅𝑒𝑑

𝑛𝑅𝑒𝑑) + 𝑛𝐹𝜑𝑀

= ∑ 𝑛𝑂𝑥

𝑂𝑥

(𝜇𝑂𝑥
0 + 𝑅𝑇 ln 𝑎𝑂𝑥

𝑛𝑂𝑥) + 𝑛𝐹𝜑𝑆 + 𝑛𝜇𝑒−
0  

(2.10) 

Thus, the generalized Nernst equation can be expressed as 

      
𝐸 = 𝐸0 +

𝑅𝑇

𝑛𝐹
ln

∏ 𝑎𝑂𝑥
𝑛𝑂𝑥

𝑂𝑥

∏ 𝑎𝑅𝑒𝑑
𝑛𝑅𝑒𝑑

𝑅𝑒𝑑

 (2.11) 

where ∏ 𝑎𝑡
𝑛𝑡

𝑡 = 𝑎𝑆1

𝑛1 ∙ 𝑎𝑆2

𝑛2 ∙ … ∙ 𝑎𝑆𝑖

𝑛𝑖. 

In electrochemistry, the Nernst equation correlates the potential of an electrochemical 

reaction to the standard electrode potential, the temperature, and the activities of the 

chemical species, which undergo reduction and oxidation processes. The Nernst 

equation specifies the dependence of the electrochemical system on changes in the 

concentration of the electroactive species or on alterations of the working electrode 

potential. Because the standard electrode potential, 𝐸0, is defined in equilibrium, the 
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Nernst equation holds only for equilibrium conditions according to Equation 2.11. 

Various REs exhibit stable potentials for aqueous and non-aqueous systems. One of the 

primary reference electrodes is the standard hydrogen electrode (SHE). However, its 

definition is based on an idealized solution of molarity 1 mol kg-1 at a standard pressure 

of 1 bar. In addition, the H+ ions were assumed not to interact with other ions. Instead, 

the reversible hydrogen electrode (RHE), which is a practical hydrogen electrode, is 

widely used for experimental measurements. At 25°C, the relationship between RHE 

and SHE can be expressed as 

 𝐸𝑅𝐻𝐸 = 𝐸𝑆𝐻𝐸 + 0.0591 ∙ 𝑝𝐻 (2.12) 

Thus, the RHE depends on the pH of the solution. Besides, there are many common 

REs, which can be applied depending on the investigated systems, such as the saturated 

calomel electrode (SCE), the mercury–mercurous sulfate electrode (MMS), and the 

silver-silver chloride electrode (SSC). In this research, both MMS and SSC electrodes 

were selected as the REs. However, in most cases, the potentials are recalculated to 

RHE. 

2.3.2 Butler-Volmer Equation 

As mentioned above, the Nernst equation describes the electrochemical system under 

equilibrium conditions. In addition, this chapter covers the non-equilibrium situation. 

The net electric current of a reaction depends on the magnitude of the applied potential. 

This tendency is mathematically described by the Butler–Volmer equation (named after 

John Alfred Valentine Butler and Max Volmer), and gives the most fundamental 

relationship in electrochemical kinetics. 

The current density, 𝑗, of an electrochemical reaction can be defined as 

      𝑗 = 𝑛𝐹𝑣 (2.13) 
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where 𝑛 is the number of electrons involved in the reaction, 𝐹 is the Faraday constant, 

and 𝑣 is the reaction rate. 

The reaction rate depends on several parameters, such as the nature of the electrode, the 

electrolyte composition, and the electrode potential. For a redox reaction 

(Equation 2.4), the forward (anodic or oxidation), 𝜈𝑎,  and backward (cathodic or 

reduction), 𝜈𝑐, reaction rates are given by 

      𝜈𝑎 = 𝑘𝑎 ∙ 𝐶𝑅𝑒𝑑 (2.14) 

 𝜈𝑐 = 𝑘𝑐 ∙ 𝐶𝑂𝑥 (2.15) 

where 𝑘𝑎 and 𝑘𝑐 are the anodic and cathodic reaction rate constants, 𝐶𝑂𝑥 and 𝐶𝑅𝑒𝑑 

are the concentrations of the reactants. 

Assuming the reaction rate constants depend on the temperature, 𝑘𝑎 and 𝑘𝑐 can be 

written as 

      𝑘𝑎 = 𝑘𝑎
0𝑒𝑥𝑝(−

∆𝐺𝑎

𝑅𝑇
) (2.16) 

 𝑘𝑐 = 𝑘𝑐
0𝑒𝑥𝑝(−

∆𝐺𝑐

𝑅𝑇
) (2.17) 

where 𝑘𝑎
0
  and 𝑘𝑐

0
  are the anodic and cathodic reaction rate constants at the 

equilibrium, and ∆𝐺𝑎 and ∆𝐺𝑐 are the standard Gibbs free energies of activation for 

the anodic and cathodic reaction, respectively. 

According to the Nernst equation, the ratio of the reactant and product concentration at 

the equilibrium state is given by 

      
𝑙𝑛

𝐶𝑂𝑥

𝐶𝑅𝑒𝑑
= 𝐹 (

𝐸𝑒𝑞 − 𝐸0

𝑅𝑇
) (2.18) 

where 𝐸𝑒𝑞 and 𝐸0 are the equilibrium and standard half-cell potentials, respectively. 
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Then combining with the Equations 2.16, 2.17 and 2.18, one can obtain 

      ∆𝐺𝑐 − ∆𝐺𝑎 = 𝑛𝐹(𝐸𝑒𝑞 − 𝐸0) (2.19) 

where n is the number of exchanged electrons. 

Since the free energies of the reduced and oxidized components are dependent on the 

electrode potential, ∆𝐺𝑎 and ∆𝐺𝑐 can be written as 

      ∆𝐺𝑐 = ∆𝐺0 + 𝛼𝑐𝑛𝐹(𝐸𝑒𝑞 − 𝐸0) (2.20) 

      ∆𝐺𝑎 = ∆𝐺0 − 𝛼𝑎𝑛𝐹(𝐸𝑒𝑞 − 𝐸0) (2.21) 

where ∆𝐺0 is the free energy of the activation when 𝐸𝑒𝑞 = 𝐸0, 𝛼𝑐, and 𝛼𝑎 are the 

cathodic and anodic transfer coefficients, respectively, and 𝛼𝑐 + 𝛼𝑎 = 1. 

Under non-equilibrium conditions, the difference between the actual half-cell potential 

and the equilibrium potential is called the overpotential, 𝜂. 

      𝜂 = 𝐸 − 𝐸𝑒𝑞 (2.22) 

When net current flows through the electrochemical cell, the cathodic and anodic 

activation free energy change should be 𝛼𝑐𝑛𝐹𝜂  and −𝛼𝑎𝑛𝐹𝜂  depending on the 

electrode potential. Thus Equations 2.16 and 2.17 become 

      𝑘𝑎 = 𝑘𝑎
0𝑒𝑥𝑝(

𝛼𝑎𝑛𝐹𝜂

𝑅𝑇
) (2.23) 

 𝑘𝑐 = 𝑘𝑐
0𝑒𝑥𝑝(−

𝛼𝑐𝑛𝐹𝜂

𝑅𝑇
) (2.24) 

In the case of the reaction given in Equation 2.4, since the difference between the 

anodic and cathodic reaction rate is proportional to the net current (Equation 2.13), the 

current density, 𝑗, is given by 

      𝑗 = 𝑗𝑎 − 𝑗𝑐 = 𝑛𝐹(𝑘𝑎𝐶𝑅𝑒𝑑 − 𝑘𝑐𝐶𝑂𝑥) (2.25) 
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where 𝑗𝑐 and 𝑗𝑎 are the current densities caused by the cathodic and anodic reactions, 

respectively. Combining with Equations 2.23 and 2.24, the relationship between the 

current density and the overpotential can be expressed as 

      𝑗 = 𝑛𝐹[𝑘𝑎
0𝐶𝑅𝑒𝑑𝑒𝑥𝑝 (

𝛼𝑎𝑛𝐹𝜂

𝑅𝑇
) − 𝑘𝑐

0𝐶𝑂𝑥𝑒𝑥𝑝 (−
𝛼𝑐𝑛𝐹𝜂

𝑅𝑇
)] (2.26) 

or 

      𝑗 = 𝑗0[𝑒𝑥𝑝 (
𝛼𝑎𝑛𝐹𝜂

𝑅𝑇
) − 𝑒𝑥𝑝 (−

𝛼𝑐𝑛𝐹𝜂

𝑅𝑇
)] (2.27) 

where 𝑗0  is called the exchange current density. This is called the Butler-Volmer 

equation, which is one of the most fundamental relations in electrochemical kinetics. It 

describes the connection between the electrode potential and the current density. This 

is important in investigating the mechanisms of the electrode process kinetics. 

2.3.3 Tafel Equation 

This chapter is dedicated to the two extreme cases of the Butler-Volmer equation, i.e., 

for low and high overpotentials, respectively. Considering at first, low overpotentials 𝜂: 

the approximation of Equation 2.27 yields 

𝑗 = 𝑗0 (
𝑛𝐹𝜂

𝑅𝑇
)   (2.28) 

In this case, the overpotential depends linearly on the current density. 

On the other hand, if the overpotential is sufficiently high, |
𝐹𝜂

𝑅𝑇
| ≫ 1 , one of the 

exponential terms in Equation 2.27 will be negligible. For instance, when the 

overpotential is negative, one obtains 

𝜂 = −
𝑅𝑇

𝛼𝑐𝑛𝐹
𝑙𝑛 𝑗0 +

𝑅𝑇

𝛼𝑐𝑛𝐹
𝑙𝑛|𝑗|   (2.29) 
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Alternatively, Equation 2.29 can be written in the general form 

𝜂 = a + 𝑏 𝑙𝑛|𝑗|   (2.30) 

Equation 2.30 is known as the Tafel equation. The constant, a, is equal to the 

overpotential required for a current density of 1 A/cm2. According to the value of a, the 

difficulty of the electron transfer steps in different electrochemical systems can be 

compared. The constant, 𝑏 , is called the Tafel slope. Both constants depend on the 

nature of the electrode, the electrode surface state, the electrolyte composition, and the 

temperature. This logarithmic current-potential relation, named after the Swiss chemist 

Julius Tafel, can be used to investigate the electrode kinetics, e.g., to evaluate the rate-

determining steps. 

2.4 Important Electrocatalytic Reactions 

The energy conversion and storage of the hydrogen economy mainly involve two 

important processes: water splitting (water to hydrogen) and reactions that occur in the 

fuel cell (hydrogen applied as a fuel). In this chapter, reactions taking place at the anode 

and the cathode for water splitting and the fuel cell are discussed. 

2.4.1 Water Splitting 

Water splitting is the process in which water decomposes into hydrogen and oxygen, 

which are driven by the electric current. Water splitting includes hydrogen evolution 

reaction, HER, on the cathode, and oxygen evolution reaction, OER, on the anode (see 

Figure 2.2). Since water splitting was first claimed in 1789102, it has been investigated 

and applied widely.103-110 Hydro, solar, and wind energies can be energy sources for 

electricity generation, which can be further applied to split water to produce hydrogen, 

as shown in Figure 2.2. The generated hydrogen can be stored as fuel and can be used 

in many applications ranging from fuel cells to ammonia synthesis. 
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Figure 2.2. A scheme of water electrolysis. The electricity is obtained from hydro, solar, and 

wind energies to provide the energy for water splitting. The HER occurs at the cathode, while 

the OER takes place at the anode. Reproduced with permission from reference 110. 

 

The overall reaction of water electrolysis is 

2 H2O(l) → 2 H2(g) + O2(g) 

The overall cell reaction of electrochemical water electrolysis is the sum of two half-

cell reactions, HER and OER. 

2.4.1.1 Hydrogen Evolution Reaction 

Depending on the electrolyte pH, the pathways of the HER can be different. In acidic 

solutions, the HER proceeds as follows: 

2 H+ + 2 e– → H2 

The mechanism of the HER involves the transfer of two electrons. The HER includes 

the following steps:111 

 H+ + e– + * → *H Volmer step 



 

33 

 

 H+ + e– + *H → H2 + * Heyrovsky step 

 2 *H → H2 + 2 * Tafel step 

where * represents an adsorption site on the surface. After combining a proton and an 

electron on the catalyst surface, which leads to an adsorbed hydrogen atom (Volmer 

step), the adsorbed hydrogen can further either combine with a proton and an electron 

(Heyrovsky step) or combine with another adsorbed hydrogen atom to produce 

hydrogen molecule (Tafel step).  

In alkaline solutions, the HER is described by the following equation: 

2 H2O + 2 e– →H2 + 2 OH– 

The HER proceeds through different Volmer and Heyrovsky reactions because of the 

high pH: 

 H2O + e– + * → *H + OH– Volmer step 

 H2O + e– + *H → H2 + OH– + * Heyrovsky step 

 2 *H → H2 + 2 *  Tafel step 

In contrast to acidic electrolytes, in alkaline solutions, one H2O molecule combines with 

an electron on the catalyst surface during the Volmer step. Then, the adsorbed hydrogen 

atom couples with a water molecule and an electron to generate hydrogen (Heyrovsky 

step). The Tafel step is the same as in acidic solutions. 

The mechanism of the HER follows Volmer-Heyrovsky or Volmer-Tafel reactions. The 

pathways of the HER depend on the overpotentials and the nature of catalysts. In some 

cases, both types of electron transfer can be simultaneously present.112 The HER 

mechanism can be deduced from the Tafel plot, which is derived from the polarization 

curve. The Tafel slope presents an intrinsic nature of the catalyst and can be used to 
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explain the mechanisms of the HER.113,114 If the rate-limiting step of the HER is the 

Volmer one, the Tafel slope will be around 120 mV dec−1. Conversely, if the HER rate 

is determined by the Heyrovsky step or Tafel step, smaller Tafel slopes of 40 and 30 

mV dec−1 were observed.115 However, it should be mentioned that the Tafel slope can 

be interfered with by many other factors such as electrode potential, adsorption 

processes, and mass transfer.103 Thus, the rate-determining step of the HER could be 

changed by those factors. 

Platinum and platinum group metals are thought of as the best-known pure metal 

catalysts for the HER. This is because the hydrogen binding energy on the platinum 

surface is close to the optimum, according to the Sabatier principle.116 Recently, with 

the consideration of low-cost and high-efficiency materials, especially in alkaline 

electrolytes, non-noble metal-based materials such as nickel and nickel-based alloy 

have been found to have high activity and long-term stability.42,117 

2.4.1.2 Oxygen Evolution Reaction 

Theoretically, the thermodynamic equilibrium potential of the OER is 1.23 V versus 

RHE. However, high overpotentials are always required in a practical water splitting 

process. Because the OER involves a four-electron transfer and has several reaction 

intermediates (*OOH, *OH, *O), which makes the mechanism of the OER much more 

complex than that of the HER.118 Moreover, the OER is recognized as the bottleneck of 

the overall water splitting process due to its sluggish kinetics. 

As in the HER case, the OER mechanism depends on the pH of the electrolyte. In acidic 

solutions, the reaction equation is as follows: 

2 H2O → O2 + 4 e– + 4 H+ 

The possible reaction pathways of the OER in acidic media are considered as: 
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 H2O + * → *OH + H+ + e– 

 *OH → *O + H+ + e– 

 *O + H2O → *OOH + H+ + e– 

 *OOH → O2 + H+ + * + e– 

In contrast, the reaction in alkaline electrolytes is: 

4 OH– → O2 + 4 e– + 2H2O 

The reaction pathways in alkaline electrolytes are similar to the acidic case: 

 OH– + * → *OH + e– 

 *OH + OH– → *O + H2O + e– 

 *O + H2O + OH– → *OOH + H2O + e– 

 *OOH + OH– → O2 + H2O + * + e– 

For both acidic and alkaline cases, after the second reaction pathway of the OER, the 

O2 could be generated by combining two *O intermediates directly: 

 *O + *O →O2 

However, the thermodynamic barrier of this reaction pathway is always higher than the 

reaction(s) forming *OOH intermediate.103 

As mentioned above, the complex mechanism of the OER causes sluggish kinetics and 

low energy efficiency for the overall water electrolysis. Hence, several attempts have 

been dedicated to enhance the OER activity's performance by increasing the number of 

active sites on the electrocatalyst surfaces.119-121 This would eventually result in 

balancing the binding energies of the reaction intermediates (i.e., *OOH, *OH, *O) 
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according to the Sabatier principle.122,123 Recently, Liu et al. claimed that promoting the 

mass transfer is equally important as increasing the number of active sites.124 Besides, 

the electrolyte composition has considerable influence on the OER activity as well. For 

instance, Michael et al. systematically investigated the effect of alkali metal cations on 

the OER activity for nickel oxyhydroxide catalyst.125 They found that the performance 

of the OER improved in the presence of Cs+ while introducing Li+ lowered the OER 

activity (see Figure 2.3). Amanda et al. also found a similar trend of the alkali metal 

cation effect on the OER activity for a nickel oxyhydroxide catalyst.54 Although various 

methods have been applied to enhance the performance of the OER, more studies are 

still required to understand the internal OER mechanism to address the sluggish kinetics 

and poor energy efficiency. 

 

Figure 2.3. Linear sweep voltammetry of NiOOH in purified LiOH (blue), NaOH (green), KOH 

(black), and CsOH (red). Error bars represent one standard deviation from the mean current 

density at each respective potential. Scan rate: 1 mV s–1. Reproduced with permission from 

reference 125. 
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2.4.2 Fuel Cells 

A fuel cell is an electrochemical device through which chemical energy from fuel(s), 

such as hydrogen, is converted into electrical energy. Unlike batteries, it continues to 

produce electricity as long as fuel is supplied. Sir William Robert Grove first introduced 

the idea of the fuel cell in 1839.126 Then the fuel cells were further developed until the 

first practical device was realized in the NASA space program in the 1960s.127 Based 

on the type of electrolyte used, the fuel cell(s) can be categorized distinctively, such as 

the alkaline fuel cell (AFC), the solid oxide fuel cell (SOFC), phosphoric acid fuel cell 

(PAFC), and the polymer electrolyte membrane or proton exchange membrane fuel cell 

(PEMFC).128,129 Among them, PEMFCs are particularly interesting and have been 

widely reported in the literature.130-134 For example, using hydrogen as fuels, PEMFCs 

show excellent performance at low operating temperatures.135 

A fuel cell comprises three main components: an anode, a cathode, and an electrolyte, 

as illustrated in Figure 2.4. With hydrogen as the used fuel, the overall reaction 

happening in the fuel cell(s) is: 

 ½ O2 + H2 → H2O 

The hydrogen is oxidized at the anode (where the hydrogen oxidation reaction (HOR) 

occurs). The oxygen is reduced to water at the cathode (where the ORR takes place). 

During the redox reaction, the electric current flows through the external circuit.  
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Figure 2.4. Schematic of a hydrogen fuel cell in an acidic media. Reproduced with permission from 

reference 129. 

 

2.4.2.1 Hydrogen Oxidation Reaction 

Depending on the pH of the used electrolyte, the mechanisms of the reactions of the 

HOR differ and are as follow: 

In acidic media: 

H2  → 2 H+ + 2 e– 

In alkaline media: 

H2 + 2 OH– → 2 H2O +2 e– 

The HOR, which is the reverse of the HER, is significant for developing 

hydrogen-based energy sources. During the reaction, both HER and HOR involve only 
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one intermediate, namely adsorbed hydrogen. Besides, the HOR is supposed to follow 

the Volmer-Heyrovsky-Tafel mechanism as well. Therefore, in most cases, the 

performance of these two reactions should be comparable. 

As is the case for HER, the rate of HOR in alkaline electrolytes is slower than in acid. 

Platinum and platinum group metals are also considered as the best-known pure metal 

catalysts for the HOR, despite various efforts towards the development of metal and 

metal-free catalysts.136-139 

2.4.2.2 Oxygen Reduction Reaction 

The ORR involves similar reaction intermediates (*OOH, *OH, *O) as the OER. 

However, the mechanism of the ORR is substantially different. In general, there are 

several pathways for O2 electroreduction. Depending on the pH of electrolyte in the 

studies, the ORR which involves a multi-electron transfer process takes place as follow: 

i. In acidic media, the ORR can happen by two pathways: the reduction of O2 to H2O 

and H2O2 via four-electron and series of two-electron steps, respectively. 

 O2 + 4 H+ + 4 e– → 2H2O four-electron 

 O2 + 2 H+ + 2 e– → H2O2 two-electron 

 H2O2 + 2 H+ + 2 e– → 2H2O two-electron 

ii. In alkaline media, O2 can be reduced to OH– and HO2
– by four-electron and two-

electron pathways, respectively. 

  O2 + 2H2O + 4 e– → 4OH– four-electron 

 O2 + H2O
 + 2 e– → HO2

– + OH– two-electron 

 HO2
–

 + H2O
 + 2 e– → 3OH– two-electron 
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It should be mentioned that O2 can also be reduced to superoxide (O2
–) in non-aqueous 

aprotic electrolytes, in which one electron transfer takes place.140 

For the ORR on Pt, a major four-electron electron transfer process was suggested in 

both acidic and alkaline aqueous electrolytes.141 The reaction mechanism proceeds via 

either the associative or dissociative pathway.142,143 Taking Pt in acidic media as an 

example, these two mechanisms are as follow: 

i. Dissociative mechanism: 

 ½ O2 + * → *O 

 *O + H+ + e– → *OH 

 *OH+ H+ + e– → H2O+* 

ii. Associative mechanism: 

O2 +* → *O2 

*O2 + H+ + e– → *OOH 

*OOH + H+ + e– → *O + H2O 

*O + H+ + e– → *OH 

*OH+ H+ + e– → H2O+* 

The ORR is of utmost importance in electrochemical energy conversion technologies. 

Despite various devices such as PEMFCs showing their great potential to convert 

chemical energy into electrical energy, huge overpotential is still required to drive the 

ORR because of the sluggish reaction kinetics. Even on the best Pt-based catalysts, 

much higher Pt loading is demanded to reach a sufficiently good ORR performance.140 

Besides, the relatively poor long-term stability of ORR electrocatalysts is also a major 
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stumbling block. For instance, for the commercial Pt/C (Pt on carbon support), it was 

reported that the ORR activity significantly decreased after long-cycling times.144 

Therefore, developing low-cost, excellent performance, and long-term durability of the 

electrocatalysts are necessary. 

In addition, the electrolyte components can also influence the catalyst’s ORR 

performance. As presented in Section 1.2.1, the performance of the ORR varies 

depending on the different cations present in the solution. Besides, the anion adsorption 

can also affect the ORR processes.145 Especially, the ORR activity can be substantially 

decreased by the strongly adsorbed anion in the electrolyte. Moreover, the ORR activity 

can be influenced by the pH of electrolytes too, but the influence of pH is not consistent 

in acidic and alkaline media.146,147 

2.5 The Electrochemical Interface 

2.5.1 Development of the Double Layer 

In general, an electrified interface is formed between the electrode and the electrolyte 

when contacting an electron conductor with an electrolyte. The charged electrode will 

attract counterions to its surface. The charge layers formed at the electrode/electrolyte 

interface are called the electric double layer (EDL). This simplified EDL structure was 

first proposed by Helmholtz in 1853, as illustrated in Figure 2.5A (a positively charged 

electrode as an example).148,149 In the Helmholtz model, the two formed charge layers 

were separated by a distance H. The Helmholtz model structure is like that of 

conventional dielectric capacitors with two planar parallel electrodes separated by a 

dielectric. However, the Helmholtz model does not consider the ions’ thermal motions 

in the double layer. 
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Figure 2.5. Schematic representation of the electric double layer at a positively charged anode: 

(A) Helmholtz model, (B) the Gouy-Chapman model, and (C) the Gouy-Chapman-Stern model. 

H is the distance of the double layer depicted in the Helmholtz model. Ψs is the potential across 

the electric double layer. Reproduced with permission from references 148 and 149. 

 

Gouy150 and Chapman151 further modified the Helmholtz model to incorporate the ions’ 

thermal motions, and they introduced a diffuse model at the electrode/electrolyte 

interface. As illustrated in Figure 2.5B, the ions with opposite signs to that of the 

electrode surface are distributed in the so-called diffuse layer which is much larger than 

H. In the Gouy-Chapman model, the charge distribution of the ions in the diffuse layer 

is determined by the distance from the electrode surface, which follows the Maxwell-

Boltzmann statistics. Therefore, the electric potential in this region decreases 

exponentially away from the electrode surface.152 

However, the Gouy-Chapman model ignores the existence of the Helmholtz layer. It 

was Stern153 who suggested combining the Helmholtz model and the Gouy-Chapman 

model to describe the EDL as two different regions of charges: namely, the Helmholtz 

layer (or Stern layer) and the diffuse layer, as illustrated in Figure 2.5C. The Gouy-

Chapman-Stern model was further modified by Grahame154. The Helmholtz layer can 
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be separated into two planes, the inner Helmholtz plane (IHP) and the outer Helmholtz 

plane (OHP). The IHP passes through the centers of the so-called specifically adsorbed 

ions, while the OHP passes through the centers of the nearest solvated ions (non-

specifically adsorbed ions). The Gouy-Chapman model applies the diffuse layer in the 

Gouy-Chapman-Stern model. Potentially, all the species (such as ions and solvent 

molecules) in the electrolyte can be adsorbed at the electrode surface by coulombic, 

van-der-Waals-forces, or chemisorption. Particularly, the anions can be specifically 

adsorbed at the interface even if the electrode surface is negatively charged, owing to 

its interaction with the electrode surface. 

The EDL plays a fundamental role in many electrochemical systems such as 

electrolyzers, batteries, and capacitors.155-157 The EDL models reveal the relationship 

between the electrode surface and the electrolyte at the interface. Therefore, the concept 

of the EDL is significant for understanding the performance of various electrochemical 

processes. However, the question about the EDL structure in various systems remains 

unsolved, and more studies are required. 

2.5.2 Interfacial Water Layer 

One of the critical properties of the EDL is the net orientation of solvent molecules at 

the interface between the electrode and the electrolyte.158 Particularly for aqueous 

electrolytes, the water structure at the electrode/electrolyte interface is of great 

importance, for instance, in the electrochemical energy conversion and storage and 

corrosion systems.159-161 Despite the relatively weak interactions between the metal 

surfaces and the water molecules, the interfacial water layer is believed to control the 

electrochemical processes significantly.162 Therefore, characterizing the interfacial 

water layer's net orientation can help improve the understanding of the electrochemical 

processes taking place at the electrode/electrolyte interface.  

Basically, the interfacial water structure is influenced by electrode potential, pH of the 
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electrolyte, and its composition.163,164 The net orientation of the interfacial water layer 

is mainly determined by the electrode’s surface charge. Namely, the water molecules 

orient with hydrogen end towards the electrode surface when the electrode is negatively 

charged. In contrast, the oxygen of the water molecules tends to point towards the 

electrode surface if the electrode is positively charged, as shown in Figure 2.6. 

 

Figure 2.6. Orientation of water molecules at the electrode surface when the electrode is (A) 

positively charged and (B) negatively charged, respectively. 

 

However, the interfacial water structure is much more complex and can be completely 

different depending on the nature of the electrodes.162 For example, Tong et al. claimed 

that the interfacial water molecules on the gold electrode tend to orient themselves with 

OH-groups pointing away from/towards the electrode surface owing to the interaction 

between water’s permanent dipole and the surface field.165 However, the density of the 

interfacial water can be increased when the electrode surface charge changes from 

negative to positive. Li et al. suggested that the structure of interfacial water molecules 
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on the gold electrode can be drastically changed at some points when the electrode is 

negatively charged.166 They stated that the distribution and orientation of the interfacial 

water molecules could differ depending on the potential difference between the applied 

potential and the potential of zero charge (PZC) for the negatively charged electrode 

surface. When the potential difference is from -1.3 to ~-1.9 V, all interfacial water 

maintains the ‘one-H-down’ configuration (see Figure 2.7 A). Nevertheless, all 

interfacial water tends to reorient to a ‘two-H-down’ configuration when moving the 

potential to more negative (Figure 2.7 B). 

 

Figure 2.7. The orientation of interfacial water molecules depending on the electrode potential. 

(A) The ‘one-H-down’ configuration of interfacial water molecules when the potential 

difference between the applied potential and the potential of zero charge is from -1.3 to ~-1.9 V. 

(B) The ‘two-H-down’ configuration of water molecules when the potential difference is more 

negative than-1.9 V. 
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The role of the interfacial water structure in various aqueous electrochemical processes 

has been characterized by, for instance, X-ray scattering (XRS), surface-enhanced 

infrared absorption spectroscopy (SEIRAS), and X-ray absorption spectroscopy 

(XAS).167 Besides, several simulated calculation methods, such as ab initio molecular 

dynamics (AIMD), have been applied to study the interfacial water structure.166 The 

understanding of the correlation between the orientation of the interfacial water and 

electrocatalytic reactions is still insufficient. The introduction of two key parameters, 

PZC and the potential of maximum entropy (PME), could address those issues. 

2.5.3 Potential of Zero Charge and Potential of Maximum 

Entropy 

The electrode surface charge depends on the applied potential. Thus, one can find a 

potential at which no excess charge exists on the electrode surface. This potential is 

defined as the PZC. The PZC, coined by Frumkin in 1928,168 is one of the essential 

parameters for a detailed understanding of processes taking place at the EDL. 

The charge of the metal surface (per unit area) can be written as 

𝑞𝑚 = −𝐹 ∑ 𝛤𝑖

𝑖

𝑧𝑖   (2.31) 

where 𝛤𝑖 is the excess surface charge of the ionic species, i, in the interface, in moles 

per unit area of the interface; 𝑧𝑖 is the charge with the sign of component i; 𝑞𝑚 is the 

charge of the metal side, which is equal but opposite in sign to the charge of the solution 

side in the EDL (𝑞𝑚 = −𝑞𝑠). 

At a constant temperature and pressure, one can obtain 

𝑑𝜎 = −𝑞𝑚𝑑𝐸 + ∑ 𝛤𝑖

𝑖

𝑑𝜇𝑖   (2.32) 
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where 𝜎  is the interfacial tension. The interfacial tension can be determined as a 

function of the electrode potential.  

Hence, the excess charge density on the metal is given by 

(
𝜕𝜎

𝜕𝐸
)

𝑇,𝑃,𝜇𝑖

= −𝑞𝑚   (2.33) 

Thus, the potential at which the derivative (𝜕𝜎/𝜕𝐸)𝑇,𝑃,𝜇𝑖
 equals zero corresponds to 

the state where no excess charge is present on the metal electrode surface, namely, the 

location of the PZC.  

It should be noted that the PZC is not a unique property of the metal but relies on the 

detailed composition of the whole system. Notably, the situation gets much more 

complicated for specific adsorption processes involving charge transfer at the interface 

between the electrode and electrolyte.169 Therefore, it is necessary to distinguish 

between the two types of the PZC, the potential of zero free charge (PZFC) and the 

potential of zero total charge (PZTC). The PZFC is defined as the potential at which the 

true surface excess charge density becomes zero, while the PZTC is the potential where 

the sum of the free, electronic net charge density and the charge density transferred 

during reversible adsorption processes equal zero.170 For an ideally polarizable 

electrode, the PZFC and the PZTC coincide since no charge transfer related to the 

adsorption process occurs.171 But these two parameters are not consistent for electrodes 

such as platinum group metals (Pt, Pd, Rh, Ir) when the adsorption process 

involves.172-175 The PZTC can be experimentally determined, for instance, from 

voltammetry.176,177 However, it is difficult to measure the PZFC in the same way since 

the traditional voltammetric and potentiostatic measurements cannot separate double 

layer charging current density from total current density.178 Calculation of the PZFC 

from these electrochemical measurements always requires additional measurements 

and thermodynamic assumptions.163 More information about the determination of the 
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PZC is discussed in Section 2.5.4. 

 

Figure 2.8. Schematic of the orientation of the interfacial water molecules at the electrode 

surface depending on the electrode surface charge in aqueous solutions. (A) When the electrode 

is positively charged, the interfacial water molecules tend to orient with oxygen end towards 

the electrode surface. (B) At the PZC, there is no excess charge on the electrode surface. But 

the oxygen still points towards the electrode surface due to the specific interaction between the 

oxygen atom with the (uncharged) metal surface. (C) At the PME, which is slightly negative 

than the PZC, the interfacial water layer has the highest disorder in the double layer. (D) When 

the electrode is negatively charged, the interfacial water molecules tend to orient with hydrogen 

end towards the electrode surface. 

 

Another important parameter, the PME, is defined as the potential at which the entropy 

of the double layer formation reaches its maximum.179 The PME is supposed to be 

related to the PZC. However, the PME is slightly negative than the PZC because of the 

specific interactions between the oxygen atom of the interfacial water molecules and 

the (uncharged) metal surface. In this case, a strong directional bond can be formed 

between the oxygen atom and the unoccupied d-orbitals of the transition metal 

surface.180 Thus, a more negative potential is required to offset this specific interaction 
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to make the interfacial water have maximal disorder in the double layer, as shown in 

Figure 2.8. The knowledge of the PME is significant for assessing the stiffness of the 

interfacial water layer structure and, therefore, can be regarded as the predominant 

reason for energy barriers that hinder mass and charge transfer through the interface.117 

At potentials remote from the PME, the water layer structure at the interface is quite 

rigid, which can prevent charge transfer. Inversely, at potentials close to the PME, the 

interfacial water has the maximal disorder and can reorient more easily. 

2.5.4 Determination of the Potential of Zero Charge and the 

Potential of Maximum Entropy 

Since the first quantitative data of the PZC for mercury electrodes were obtained, 

various methods have been applied to determine the values of the PZC.154 However, the 

study of solid electrodes has been a challenge for past decades. The determination of 

the PZC with different techniques is never straightforward.181 Depending on the nature 

of electrode materials, different methods have been developed to identify the PZC. In 

this section, an overview of some common methods for the determination of the PZC 

is given. Note that in the following discussion, PZC stands for PZTC since the PZFC 

cannot be experimentally determined currently. 

2.5.4.1 Electrocapillary Methods 

One of the most widely applied methods to determine the PZC of liquid metals is the 

measurement of electrocapillary curves. This method is based on the investigation of 

the surface tension and its dependence on electrode potential. The potential where the 

electrocapillary curve reaches its maximum corresponds to the PZC of the investigated 

electrodes, as illustrated in Figure 2.9. 
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Figure 2.9. Scheme of the electrocapillary curve, i.e., the surface tension of electrode as a 

function of the applied potential. The PZC is typically the potential of maximum surface tension. 

 

The electrocapillary curves of liquid metals can be recorded with a capillary 

electrometer, first proposed by Lippmann in 1875.182 The capillary electrometer can 

measure the pressure that is necessary to force the liquid metal down to a certain point 

of a conical capillary wetted by the electrolyte solution. Meanwhile, one must ensure 

that electrolyte solutions completely wet the capillary walls. The surface tension of 

liquid metal 𝛾  is a function of the EDL capacitance, which is suggested by the 

Young-Lippman equation as follow: 

𝛾 = 𝛾0 −
1

2
𝐶𝑉𝐸𝐷𝐿

2    (2.34) 

Here 𝛾0  is the surface tension between the electrolyte and the conductor at zero 

electric field, and 𝐶 is the capacitance per unit area of the EDL. 𝑉𝐸𝐷𝐿 is the voltage 

across the EDL. The surface tension is affected by electrical conditions at the interface 
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between the electrode and electrolyte. This phenomenon is known as electrocapillary.183 

The electrocapillary methods have been applied to determine the PZC of mercury, 

gallium, and their alloys.184 Besides, this method can be used for certain metal-free 

electrodes. For instance, Shao et al. measured the PZC of carbon aerogel with the 

electrocapillary method.185 However, the electrocapillary method is particularly limited 

for the determination of the PZC of liquid metals. 

2.5.4.2 Capacitance Methods 

The double layer capacitance (𝐶𝑑𝑙 ) is a key descriptor of the electrode/electrolyte 

interface. It can be used to infer the properties of the electrode/electrolyte 

interface.186,187 One of the properties is the PZC, which can be determined according to 

the Gouy-Chapman heory, as the electrode potential where the 𝐶𝑑𝑙  reaches its 

minimum. This method for the PZC determination was first suggested by Vorsina and 

Frumkin.188 Based on the Gouy-Chapman-Stern model of the EDL, the reciprocal of 

the 𝐶𝑑𝑙 can be given as: 

1

𝐶𝑑𝑙
=

1

𝐶𝑖
+

1

𝐶𝑑
    (2.35) 

where 𝐶𝑖  and 𝐶𝑑  are the capacitance of the inner double layer and the differential 

capacitance of the diffuse layer, respectively. In dilute electrolytes (ca. 10−3 M), 𝐶𝑖 is 

constant, while 𝐶𝑑  is a function of applied potential ( 𝐶𝑑 = (𝜕𝑞 𝜕𝐸⁄ )𝑇,𝑃,𝜇 ).189 

Therefore, the PZC should be located at the minimum of 𝐶𝑑, as shown in Figure 2.10. 

However, at high concentrations of electrolyte, 𝐶𝑖  typically dominates 𝐶𝑑𝑙 . In this 

case, the capacitance methods can hardly be used for the PZC determination.190 
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Figure 2.10. Scheme of the capacitance-potential curve. The PZC is located at the potential of 

the minimum of the differential double layer capacitance. 

 

Although much information regarding the influence of various parameters on the PZC 

has been obtained with the capacitance methods, its application is limited to dilute 

solution and the absence of specific adsorption.181 

2.5.4.3 CO Charge Displacement 

The PZC of certain noble metal electrodes can be determined by the CO charge 

displacement method.191-193 This technique is based on the fact that CO can be strongly 

adsorbed on some electrode surfaces.  

Taking Pt as an example, during this measurement, the electrolyte is purged with CO, 

and the applied potential is kept constant, allowing adsorption of CO on the Pt surface. 

The measured current falls to zero when the CO adsorption is finished, and CO covers 
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a certain fraction of the electrode surface. Then, the excess CO in the solution will be 

removed by purging the electrolyte with argon while holding the potential. The surface 

blockage can be measured by recording the voltammogram. Finally, CO is eliminated 

by means of voltammetry from the electrode surface, and the electrode surface is further 

checked using the voltammetric profile. This final step is vital for the entire 

investigation. It allows checking whether the electrode surface has been neither 

modified nor contaminated during the CO adsorption process.  

The CO adsorption occurs without alteration in the oxidation state of Pt. Thus, the 

charge measured during the CO adsorption process, 𝑞𝑑𝑖𝑠, should be the same as the 

difference between the total electrode charges before (𝑞𝑖) and after (𝑞𝑓) CO adsorption: 

𝑞𝑑𝑖𝑠 = 𝑞𝑓 − 𝑞𝑖   (2.36) 

The initial charge before CO adsorption correlates to the total charge on the CO-free 

electrode at a certain investigated potential. The determination of its value requires 

knowledge of the charge after CO adsorption, 𝑞𝑓. Unfortunately, this value cannot be 

directly measured. But the value of 𝑞𝑓 is negligibly small when compared with the 

total electrode charges before CO adsorption. Therefore, Equation 2.36 can be  

approximated as: 

𝑞𝑑𝑖𝑠 ≈ −𝑞𝑖   (2.37) 

With the approximation above, the CO charge displacement can be carried out as a 

direct measure of the total charge on the electrode at a specific potential of the 

measurement. Then, the measurement is repeated for the different potentials to obtain 

the relationship between the total charge 𝑞 and the electrode potential E. As shown in 

Figure 2.11, the potential E where 𝑞𝑖 equals zero corresponds to the PZC.177,194 
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Figure 2.11. Scheme of total charge as a function of the electrode potential. The potential at 

which the total charge equals zero corresponds to the PZC. 

 

The CO charge displacement method has been successfully applied to determine the 

location of the PZC for platinum electrodes.195-198 Especially, this method can be 

utilized to evaluate the dependence of the PZC on stepped single crystal surface194 and 

electrolyte pH177. However, the CO charge displacement cannot be applied at high 

anodic potentials (＞0.5 V vs RHE) since it is limited by CO oxidation. Besides, another 

limitation of this method is the assessment of different local contributions to the PZC 

from terraces, steps, and kinks. Hence, the obtained value of the PZC is an average 

value of the whole surface where the total net charge equals zero. This total charge 

includes both positive and negative local contributions to the charge. 

2.5.4.4 N2O Reduction 

The reduction of N2O on single crystal platinum surfaces was first demonstrated by 
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Parsons and coworkers.199 They claimed that this reaction was structure sensitive, and 

adsorbed hydrogen was considered as an essential catalytic intermediate in this reaction:  

𝑁2𝑂(𝑎𝑑𝑠) + 𝐻(𝑎𝑑𝑠) → 𝑁2(𝑔)
+ 𝑂𝐻(𝑎𝑑𝑠)   (2.38) 

Six years later, Attard et al. reported that N2O is sensitive to the local total charge, which 

can be regarded as a surface probe to determine the PZC.200 However, they disagreed 

with Parsons about the mechanism of the reduction of N2O on the platinum electrodes. 

Attard et al. thought the mechanism of this reaction should be characterized by the 

pre-equilibrium step:201 

𝑃𝑡 + 𝑁2𝑂(𝑔) ⇄ 𝑃𝑡－𝑁2𝑂(𝑎𝑑𝑠)   (2.39) 

followed by 

𝑃𝑡－𝑁2𝑂(𝑎𝑑𝑠)

𝑘1
→ 𝑃𝑡－𝑂 + 𝑁2(𝑔)

 (slow)   (2.40) 

𝑃𝑡－𝑂 + 2𝐻+ + 2𝑒−
𝑘2
→ 𝑃𝑡 + 𝐻2𝑂 

(fast)   (2.41) 

Thus, the rate of N2O reduction would be faster when the amount of adsorbed N2O is 

higher. Assuming that there is competitive adsorption between N2O and other adsorbed 

species such as hydrogen, anions, and water on the electrode surface, the rate of N2O 

reduction would be highest when a maximum in the number of free sites available for 

N2O adsorption exists. Interestingly, Attard et al. found that the maximum current for 

N2O reduction always took place at a potential close to or exactly at the PZC for Ir, Pd, 

Rh, and Pt electrodes.200 An example for Pt(111) in 0.1 M HClO4 solution is presented 

in Figure 2.12. The maximal current peak of N2O reduction is located at 0.34 V. The 

obtained results were consistent with the measurement performed by Frumkin and 

coworkers.202 
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Figure 2.12. N2O reduction on Pt(111) in 0.1 M HClO4 for the determination of the PZC. Scan 

rate: 50 mV s–1. Reproduced with permission from reference 200. 

 

An essential advantage of the N2O reduction method for the determination of the PZC 

is to investigate the systems which possess multiple local PZCs. Although adsorption 

of N2O on, for instance, platinum is quite weak (around 20 kJ mol–1). This method can 

only be applied for the interfacial structure, which is sensitive to the N2O reduction 

reaction.199 

2.5.4.5 Laser-Induced Current Transient Technique 

The importance of the role of solvent (e.g., water) at the electrode/electrolyte interface 

has been confirmed in many electrocatalytic systems.117,166,203-205 In Section 2.5.2, the 
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complexity of the interfacial water structure has been discussed. Moreover, a better 

understanding of the role of the interfacial water molecules is required for rational 

design and optimization of the electrocatalytic systems. The key challenge for 

investigating interfacial water is avoiding the interference of its response from the water 

in the bulk of the solution. In this regard, probing the interface between electrode and 

electrolyte with short, powerful laser pulses can be applied to address this issue.206,207 

This technique was developed by Benderskii et al. for mercury electrodes in the 

1980th.208,209 Later, Smalley et al. utilized this technique for the study on platinum 

electrodes in 1988.210 Recently, this so-called temperature jump method has been 

widely applied for various electrochemical systems, such as the surface charge study of 

gold electrode181,211, platinum electrode207,212,213, and iridium electrode179. 

The illumination of a metallic electrode surface using a high-power laser source 

increases the temperature of the electrode/electrolyte interface. The short laser pulse 

(5—10 ns) can cause a rapid temperature change at the interface, but the double layer 

relaxes to its initial state almost immediately. Assuming that the only influence of the 

laser illumination is the heating of the electrode surface, then this method can be used 

to study the fast processes taking place at the electrode/electrolyte interface. If the rate 

of the temperature change is significantly faster than the relaxation time, then the 

kinetics of the process can be investigated separately. If the temperature change rate is 

slower than the relaxation time, thermodynamic information of the equilibrium can be 

obtained.211 It should be noted that a suitable selection of the laser illumination 

wavelength is significant in avoiding side effects, such as photoemission of electrons. 

Basically, the photoemission threshold for typical electrode metals is around 200－

300 nm (work function around 4－5 eV).181 Besides, the intensity of the laser beam 

varies depending on the nature of the electrode and electrolyte. An appropriate laser 

beam intensity should allow a rapid increase in temperature without any destruction on 

the metallic electrode surface. 
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Assuming that the penetration depth of the light is negligible, the temperature change 

after a laser pulse can be described as: 

𝛥𝑇(𝑡) =
1

√𝜋𝜅𝑐𝑑 + √𝜋𝜅1𝑐1𝑑1

∫ 𝑞(𝑡 − 𝑡′)
𝑡

0

1

√𝑡′
𝑑𝑡′   (2.42) 

where 𝜅, 𝑐, and 𝑑 and 𝜅1, 𝑐1, and 𝑑1 are the thermal conductivity, thermal capacity, 

and density of the metal and the aqueous electrolyte, respectively. The function 𝑞 

represents the power density adsorbed at the metal surface. It depends on the temporal 

shape of the laser pulse: 

𝑞(𝑡) = (1 − 𝑅)𝐼(𝑡)   (2.43) 

where 𝑅 is the reflectivity of the surface; 𝐼(𝑡) is the time-dependent energy flux per 

unit area. 

In the case of a uniform laser pulse, the integration of Equation 2.42 yields the 

following formulas: 

𝛥𝑇(𝑡) =
2(1 − 𝑅)𝐼

√𝜋𝜅𝑐𝑑 + √𝜋𝜅1𝑐1𝑑1

√𝑡       (𝑡 ≤ 𝑡0)     𝐻𝑒𝑎𝑡𝑖𝑛𝑔   (2.44) 

𝛥𝑇(𝑡) =
2(1 − 𝑅)𝐼

√𝜋𝜅𝑐𝑑 + √𝜋𝜅1𝑐1𝑑1

[√𝑡 − √𝑡 − 𝑡0 ]     (𝑡＞𝑡0)    𝐶𝑜𝑜𝑙𝑖𝑛𝑔 
  (2.45) 

For a long time, the term of √𝑡 − 𝑡0 can be expanded, keeping only the lower terms 

in the series. With this approximation, the temperature change decreases with time as: 

𝛥𝑇(𝑡) =
1

2
𝛥𝑇0√

𝑡0

𝑡
 

  (2.46) 

In the case that the temperature change is small enough, a linear relationship between 

the temperature and the potential change can be obtained: 
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𝛥𝐸 = (
𝜕𝐸

𝜕𝑇
) 𝛥𝑇 = (

𝜕𝐸

𝜕𝑇
)

𝑞

1

2
𝛥𝑇0√

𝑡0

𝑡
 

  (2.47) 

Thus, the temperature coefficient of the open circuit potential can be evaluated from 

the slope of the plot of 𝛥𝐸  vs 1 √𝑡⁄  . Besides, according to the electrocapillary 

equation, one can obtain:214 

(
𝜕𝐸

𝜕𝑇
)

𝑞
= − (

𝜕𝛥𝑆

𝜕𝑞
)

𝑇

 
  (2.48) 

where 𝛥𝑆 represents the interfacial entropy of formation. Therefore, a plot of 𝛥𝑆 can 

be acquired by integrating the graph of the slopes of the 𝛥𝐸 vs 1 √𝑡⁄  as a function of 

the double layer charge. It is obvious that (𝜕𝛥𝑆/𝜕𝑞)𝑇 will be zero when the curve 

𝛥𝑆 vs 𝑞 reaches its maximum. Then, according to Equation 2.48, at this point, the 

change of electrochemical potential resulting from the heating of laser illumination will 

also be zero. Hence, this methodology allows the identification of the PME of double 

layer formation. 

However, the discussion above does not consider the influence of a thermodiffusion 

potential on the open circuit potential after laser illumination heating. The 

thermodiffusion potential can be estimated from the so-called Eastman entropy of 

transfer from the ions involved. It can be given as: 

𝛥𝐸𝑇ℎ𝑒𝑟𝑚𝑜𝑑𝑖𝑓𝑓𝑢𝑠𝑖𝑜𝑛

𝛥𝑇
= −

1

𝐹
∑

𝑡𝑖

𝑧𝑖
�̂�𝑖 

(2.49) 

where 𝑡𝑖, 𝑧𝑖 and �̂�𝑖 are the transport number, the charge, and the Eastman entropy of 

the ion 𝑖 , respectively. One can see from Equation 2.49 that the thermodiffusion 

potential depends on the nature of the electrolyte. The applied electrode potential does 

not influence this potential contribution. Note that, considering the more significant 

response from the EDL, the thermodiffusion effect can often be neglected.207,215 
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As discussed in Sections 2.5.2 and 2.5.3, the orientation of the water molecule at the 

electrode/electrolyte interface depends on the electrode potential. It is controlled by the 

interaction between the dipole moment of the solvent molecules and the electric field 

originating from the electrode surface charge (𝐸𝑐ℎ𝑎𝑟𝑔𝑒 ). The potential drop of the 

electrode mostly comes from the water molecules (𝐸𝑑𝑖𝑝𝑜𝑙𝑒) due to their dipole moment. 

Therefore, the potential between the electrode and the electrolyte solution (𝐸𝑀−𝑆) is 

given by:215 

𝐸𝑀−𝑆 = 𝐸𝑐ℎ𝑎𝑟𝑔𝑒 + 𝐸𝑑𝑖𝑝𝑜𝑙𝑒   (2.50) 

Short laser illumination can cause a rapid temperature change at the 

electrode/electrolyte interface, which results in the change of 𝐸𝑑𝑖𝑝𝑜𝑙𝑒 . According to 

Equation 2.50, the 𝐸𝑀−𝑆 can be changed by the alteration of 𝐸𝑑𝑖𝑝𝑜𝑙𝑒. Based on this 

phenomenon, the so-called laser-induced current transient (LICT) and laser-induced 

potential transient (LIPT) methods can be applied to check the electrode surface charge. 

With the LIPT, a change is induced at the open circuit potential, which indicates the 

orientation of the water dipoles depending on their sign. The LICT, which is applied in 

this work, is performed potentiostatically. During the measurement, the reorganization 

of the EDL caused by the laser illumination can be recorded as the current transient. If 

the electrode is positively charged, then positive current transients are observed; on the 

contrary, if the electrode is negatively charged, the laser pulse results in negative current 

transients. The PME is located at the potential where the sign of the current transient 

alters, as shown in Figure 2.13.  
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Figure 2.13. An example of typical current transients recorded during the laser measurement 

at different electrode potentials for polycrystalline gold in 0.5 M O2-saturated Na2SO4 solution 

(pH 2). The sign of the current transient coincides with the sign of the electrode surface charge. 

 

Alternatively, in order to see the PME location clearly, the extreme values of the current 

transients (iXtrm) can be plotted as a function of the applied potential, as shown in 

Figure 2.14. 
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Figure 2.14. The extreme current values of the current transients (iXtrm) as a function of the 

working electrode potential utilized to find the PME. The data is taken from Figure 2.13. Note, 

only a part of current transients is presented here. 

 

The PME is considered an important parameter related to the electrocatalytic 

activity.203,216,217 The PME provides information on the stiffness of the interfacial water 

layer. This can be used to assess the influence of the EDL structure on the 

electrochemical processes. For instance, recently, Koper et al. demonstrated that the 

water structure at the interface has a strong relationship with the HER activity rate of 

Pt(111)/Ni(OH)2.
117 Close to the PME, the interfacial water molecule is relatively free 

to reorient and easy to reorganize. The rate of reaction should be the fastest at the PME. 

Therefore, one can assume that the closer the PME is to the thermodynamic equilibrium 

potential of a certain reaction, the faster this reaction should be. 
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2.6 Other Techniques Applied in this Work 

2.6.1 Cyclic Voltammetry 

Cyclic voltammetry (CV) is one of the most common electroanalytical techniques 

employed to quantitatively analyze electrochemical processes.218-220 During CV 

measurements, a periodic triangular potential is applied on the working electrode 

(Figure 2.15A), and the current-potential curves are recorded (Figure 2.15B). CV 

measurements reveal certain processes, such as the adsorption/desorption redox 

reactions. Moreover, it allows investigation of the stability of electrode materials and 

reaction products, quantitative analysis of electron transfer kinetics. The shape of CV 

mainly depends on the nature of the electrode but also on the nature of the electrolyte. 

Different compositions can result in an alteration of the shape of CV, e.g., certain 

electrochemical processes at the electrode/electrolyte interface result in specific 

features in the CV.221 

 

Figure 2.15. (A) The typical triangular potential profile applied during a CV. E1 and E2 are the 

initial and final potentials, respectively. (B) A schematic representation of a CV. 

 

As shown in Figure 2.15B, a CV is typically presented by plotting the current versus 

the applied potential. The recorded current is often depicted as the current density for 
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easier comparison. CV can provide information about the properties and mechanisms 

of various electrochemical reactions and the kinetic parameters of these reactions. 

Besides, CV can also be used to determine the antioxidant capacity in food and even 

the skin.222,223 

2.6.2 Chronoamperometry 

Chronoamperometry (CA) is a technique in which a constant potential is applied to the 

system, and the response of the current is recorded. The chronoamperometric response 

can be used to determine, e.g., the diffusion coefficient of electroactive species.224,225 

Besides, one can also apply several potential-step CA to investigate the mechanism of 

reactions taking place at the electrode/electrolyte interface.226,227 

In this work, the CA technique was used during the laser measurements. The current 

transients were recorded at different potential steps. 
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3. Experimental Part 

3.1 Electrochemical Cells 

Two types of electrochemical cells were used in this thesis: one cell for voltammetry 

and laser measurements and one cell for activity experiments. Both cells used the 

three-electrode configuration. All glassware was cleaned with a piranha solution 

consisting of a 3:1 mixture of H2SO4 (96% Suprapur™, Merck, Germany) and H2O2 

(30% Suprapur™, Merck, Germany) before the measurements. All compartments were 

then rinsed several times with near-boiling ultrapure water (Evoqua, Germany). 

The cell for cyclic voltammetry (CV) and laser-induced current transient (LICT) 

measurements consisted of two parts: the preconditioning compartment (1) and the 

main compartment (2) (Figure 3.1A). The electrolyte solutions were preconditioned 

with purging gases (Ar 5.0 and O2 4.7, Air Liquid, were used in this thesis) in the 

compartment (1) before being introduced to the compartment (2). A flat, laser light 

transmittable glass window was designed on the main compartment (2) to allow the 

laser beam to reach the working electrode surface directly. During the experiments, the 

inside atmosphere can be controlled with a gas inlet and outlet on the main 

compartment (2). The temperature of the investigated electrolytes can also be adjusted 

by a water thermostat for this cell. AT-cut quartz crystal wafer electrochemical quartz 

crystal microbalance (EQCM) electrodes (polycrystalline Pt and Au with the surface 

area of 1.37 cm2, Stanford Research Systems, USA) were used as working 

electrodes (WE) for the CV and LICT measurements. A crystal holder (Stanford 

Research Systems, USA) was used for the AT-cut quartz crystal wafer EQCM 

electrodes during the measurements. The 5 MHz QCM gold substrates, purchased from 

Biolin Scientific, Inc., were used as WE for the surface-mounted metal-organic 

frameworks (SURMOFs) synthesis and LICT measurements. A mercury-mercurous 

sulfate electrode (MMS) (SI Analytics, Germany) and a mercury-mercury oxide 
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electrode (1 M NaOH, Bio-Logic, France) served as the reference electrodes (RE) for 

the experiments of AT-cut quartz crystal wafer EQCM electrodes and SURMOFs, 

respectively. Both REs were connected to the electrolyte through a Luggin capillary. A 

Pt wire was used as the counter electrode (CE). All measurements were performed using 

a VSP-300 potentiostat (Bio-Logic, France). 

 

Figure 3.1. Schematics of the electrochemical cells used for (A) the CV and LICT measurements 

and (B) the activity experiments, respectively. Cell (A) can be divided into (1) the preconditioning 

compartment and (2) the main compartment. WE, RE, CE, and RDE labels correspond to the 

working electrode, reference electrode, counter electrode, and rotating disk electrode, respectively. 

Relative positions of the electrodes in the figure do not correspond to the real measurements, where 

RE is rather in between WE and CE. 



 

67 

 

The cell for the activity measurements with polycrystalline Pt electrode consisted of a 

single compartment (Figure 3.1B). The working electrode was connected using the 

rotating disk electrode (RDE) configuration to ensure better mass transport during the 

measurements.228 To obtain the meniscus for the WE in contact with the electrolyte, the 

movable shaft was used to adjust the position of the WE. A Pt mesh was used as the CE, 

while the MMS served as the RE through a Luggin capillary. Similar to the previous 

cell, the gas inlet and outlet were used to saturate the electrolyte with the gas (Ar for 

cleaning the WE; H2 for the HER; and O2 for the ORR measurements). The temperature 

of the electrolyte can also be controlled by a water thermostat. 

3.2 Setup for the Laser Measurements 

The laser measurements were conducted utilizing a Quanta-Ray INDI pulsed Nd:YAG 

laser (Spectra-Physics Lasers, USA) with a repetition rate of 10 Hz and 5–8 ns pulse 

width (Figure 3.2). The wavelength of the device applied in our experiments was 

532 nm, which is believed to prevent the photoemission of electrons.211 The diameter 

of the laser beam was kept at 9 mm for all the laser measurements. Because the direct 

energy of the laser beam can reach 200 mJ, which is excessively high and can destroy 

the working electrode, a motorized beam splitter (VA-CB-532-CONEX, Newport Corp.) 

acted as an attenuator. This was used to control the energy of the laser pulses. The laser 

can be operated by either a table controller or a GCR controller software 

(Spectra-Physics Lasers, USA). The attenuator was manipulated by a Variable 

Attenuator software (model: CCVA-PR-CD, Spectra-Physics Lasers, USA) to adjust 

the energy of the laser beam. The current transients can be recorded from the response 

of the system after the laser illumination. The extreme values of the current transients 

can be plotted as a function of the applied potential to find the PME. 
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Figure 3.2. Schematic illustration of the laser-induced current transient technique setup. WE, RE, 

and CE labels correspond to the working electrode, reference electrode, and counter electrode, 

respectively. Relative positions of the electrodes in the figure do not correspond to the real 

measurements, where RE is rather in between WE and CE. 

 

3.3 Preparation Before the Electrochemical Measurements 

3.3.1 Preparation of Electrolytes 

For electrolytes, different concentrations of HClO4 and H2SO4 solutions used for the 

working electrodes cleaning and electrochemical experiments were prepared by 

diluting concentrated acid solutions with ultrapure water. The 0.5 M (AM)2SO4 

(AM = Li+, Na+, K+, Cs+) solutions were prepared by dissolving the corresponding salt 

powders (all 99.0%, Alfa Aesar) with ultrapure water. The pHs of 0.5 M (AM)2SO4 

solutions were adjusted with either H2SO4 or AMOH solutions (LiOH 99.995%, Alfa 

Aesar, NaOH 99.996%, Alfa Aesar, KOH 99.98%, Alfa Aesar, CsOH 99.9%, Sigma 
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Aldrich) using a PHH222 portable pH meter (Omega).  

For the experiments done on Cu(111), different pHs of NaClO4 (97%, Alfa Aesar) 

solutions were adjusted with NaOH solutions using the pH meter. 

In the case of SURMOFs, 0.1 M AMOH solutions (LiOH 99.995%, Alfa Aesar, NaOH 

99.99%, Alfa Aesar, KOH 99.98%, Alfa Aesar, and CsOH, 50 wt. % in H2O, 99.9% 

trace, Sigma-Aldrich) were prepared by dissolving the corresponding salt powders or 

diluting the solution. 

Before the measurements, the electrolytes were saturated with the necessary gases for 

at least 10 minutes. The electrolyte was also slowly purged with the same gas during 

the measurements. 

3.3.2 Preparation of Electrodes 

Before the experiments, the AT-cut polycrystalline Pt and Au quartz crystal wafer 

electrodes were electrochemically cleaned in Ar-saturated 0.1 M HClO4 and 0.1 M 

H2SO4 solutions, respectively. The corresponding CV results were then collected in 

order to check the quality of the working electrode surface. In detail, the Pt electrode 

was cleaned in Ar-saturated 0.1 M HClO4 within the potential range of 0.00–1.80 V vs 

RHE until the voltammograms were stable. The potential range was then narrowed to 

0.05–1.00 V vs RHE, and the obtained CV (Figure 3.3A) was compared with those 

published in the literature to ensure similarities in the surface quality.229,230 In the case 

of Au, the cleaning procedures were performed in Ar-saturated 0.1 M H2SO4 within the 

potential range of 0.40–2.10 V vs RHE. The voltammograms (Figure 3.3B) within the 

potential range of 0.50–1.70 V vs RHE were then measured to further compare with 

those presented in the literature.231,232 
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Figure 3.3. The stable cyclic voltammograms recorded after cleaning for (A) Ptpc in HClO4 and 

Aupc in H2SO4 solutions. Scan rate: 50 mV s–1. 

 

As for the Pt electrode described above, the disk-shaped polycrystalline Pt electrode 

with a diameter of 5 mm was electrochemically cleaned in Ar-saturated 1 M HClO4 

within the potential range of -0.10–1.80 V vs RHE until the recorded CV became stable. 

Afterwards, the scanned potential range was set to 0.04–1.02 V vs RHE to check the 

surface quality, as shown in Figure 3.4A. 

The polycrystalline Au bead electrodes (homemade; surface area: 0.136 cm2) were 

electrochemically cleaned by immersing them into the 0.1 M H2SO4 electrolyte and 

cycling between 0.35 V–2.10 V vs RHE (scan rate: 50 mV s–1). After getting stable CVs 

(see Figure 3.4B), they were compared with the voltammograms available in the 

literature.233 
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Figure 3.4. Cyclic voltammograms collected after cleaning for (A) the disk-shaped Ptpc 

electrode in the 0.1 M HClO4 and (B) the Aupc bead electrode in the 0.1 M H2SO4 solutions. 

Scan rate: 50 mV s–1. 

 

Cu(111) crystals (Mateck, Jülich) were mechanically polished with diamond paste 

(ESCIL) down to 0.25 µm. Then the crystals were electropolished in 60% H3PO4 (85% 

EMSURE, Merck) at 1.8 V versus a Cu counter electrode. Before each experiment, the 

crystals were annealed in a homemade horizontal tube furnace under H2 flow. The 

crystals can be removed, maintaining the H2 atmosphere, which allows a direct transfer 

to an Ar-filled (Messer, 5.0) glove box (Mbraun MB 200 MOD glovebox) to perform 

the experiments without traces of oxygen from the air. 

The deposition of Ni|Fe-[TA]-SURMOFs can be obtained via a layer-by-layer (LBL) 

method in a homemade pump system. Before the deposition, the QCM gold substrates 

(Biolin Scientific, Inc.) were functionalized for 12 h in a mixed ethanol solution 

including 20 μM 16-mercaptohexadecanoic acid (MHDA, 90%, Sigma-Aldrich) and 

acetic acid (5 vol.%). Afterwards, the electrodes were rinsed with ethanol several times. 

A deprotonated organic linker solution (0.2 mM) can be prepared by stirring a mixture 

solution including 0.185 mmol terephthalic acid (TA, Sigma-Aldrich), 1.02 L ethanol 

(99.9%, Th. Geyer GmbH & Co. KG, Germany), 60 mL distilled water, and 0.8 mL 

trimethylamine (Et3N, Acros) for 24 h. For the deposition of Ni|Fe-[TA]-SURMOFs, 
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the gold substrates were firstly immersed into the 0.25 mM NiCl2∙6H2O (99.3%, Alfa 

Aesar) solution for 10 min. Then, the electrodes were washed with ethanol for 2 min to 

remove the unadsorbed species. Subsequently, the electrode was immersed into the 

prepared deprotonated organic linker solution for 10 min to generate the metal-organic 

bonds. Afterwards, the system was cleaned with ethanol for 2 min. Four immersion 

processes correspond to one LBL deposition cycle. The Ni-[TA] was gained after 

45 cycles. For the top-layer Fe-[TA], 15 more cycles were performed in 0.25 mM FeCl3 

(98%, abcr GmbH & Co. KG, Germany) solution. Finally, the as-prepared 

heterostructured Ni|Fe-[TA]-SURMOFs electrode was rinsed carefully with absolute 

ethanol several times and dried at room temperature. 

3.4 Electrochemical Measurements 

3.4.1 LICT Measurements 

3.4.1.1 LICT Measurements for the AT-cut Polycrystalline Au Quartz 

Crystal Wafer Electrodes 

After the electrochemical cleaning, the polycrystalline Au electrodes were introduced 

into Ar-saturated or O2-saturated HClO4 solutions with different pH values (0, 0.5, 1.0, 

1.5, and 2.0). The LICT technique was then applied in different systems to find the 

PMEs. The potential range investigated for the case of HClO4 was 0.06–1.00 V vs RHE, 

and the scan direction was kept from positive to negative with 20 mV potential steps. 

The applied energy of the laser beam was fixed at 12 mJ (19 mJ cm–2). 

Besides, the polycrystalline Au electrodes were characterized at different pHs (2, 4, 6, 

8, and 10) in Ar-saturated and O2-saturated 0.5 M Na2SO4 and K2SO4 solutions with 

the LICT. However, the laser beam energy was kept at 20 mJ (32 mJ cm–2) in this case. 

The potential ranges within which the LICT experiments were carried out slightly differ 
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depending on the system under study. All the potential ranges during the LICT 

measurements in all the systems, as well as the applied potential steps and the 

electrolytes, are listed in Table 3.1. 

Table 3.1. Potential ranges and potential steps applied during the LICT measurements for 

polycrystalline Au. 

pH Electrolyte Potential range 

(VRHE) 

Potential step (mV) 

2 0.5 M Na2SO4, Ar-sat. 0.10 – 1.00 20 

2 0.5 M Na2SO4, O2-sat. 0.12 – 1.00 20 

4 0.5 M Na2SO4, Ar-sat. 0.10 – 1.02 20 

4 

6 

6 

8 

8 

10 

10 

2 

2 

4 

4 

6 

0.5 M Na2SO4, O2-sat. 

0.5 M Na2SO4, Ar-sat. 

0.5 M Na2SO4, O2-sat. 

0.5 M Na2SO4, Ar-sat. 

0.5 M Na2SO4, O2-sat. 

0.5 M Na2SO4, Ar-sat. 

0.5 M Na2SO4, O2-sat. 

0.5 M K2SO4, Ar-sat. 

0.5 M K2SO4, O2-sat. 

0.5 M K2SO4, Ar-sat. 

0.5 M K2SO4, O2-sat. 

0.5 M K2SO4, Ar-sat. 

0.10 – 1.02 

0.11 – 1.01 

0.11 – 1.01 

0.23 – 1.03 

0.23 – 1.03 

0.25 – 1.11 

0.29 – 1.11 

0.08 – 1.12 

0.10 – 1.00 

0.10 – 1.10 

0.10 – 1.10 

0.61 – 1.37 

20 

20 

20 

20 

20 

20 

20 

20 

20 

20 

20 

20 
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3.4.1.2 LICT Measurements for the AT-cut Polycrystalline Pt Quartz 

Crystal Wafer Electrodes 

Similar to the case of Au electrode, the cleaned polycrystalline Pt electrodes were 

investigated at different pHs (0, 0.5, 1.0, 1.5, and 2.0) in Ar-saturated and O2-saturated 

HClO4 solutions and at different pHs (2, 4, 6, 8, and 10) in Ar-saturated and 

O2-saturated 0.5 M Na2SO4 and K2SO4 solutions (see Table 3.2). The applied energy 

of the laser beam was 12 mJ for Pt in HClO4 solutions but 20 mJ for Pt in the electrolytes 

containing alkali metal cations. 

To study the cation effect on the PME and electrocatalytic activities (HER and ORR) 

of polycrystalline Pt electrode, the pH of 0.5 M (AM)2SO4 solutions (AM = Li+, Na+, 

K+, Cs+) was kept at pH 6 to reduce the influence of the H+ and OH– ions on the system, 

without losing the ability to control their concentration. For this set of experiments, the 

potential range investigated was 0.06–1.00 V vs RHE. The energy of the laser pulse was 

fixed at 12 mJ, and the applied potential step was 20 mV. 

6 

8 

8 

10 

10 

0.5 M K2SO4, O2-sat. 

0.5 M K2SO4, Ar-sat. 

0.5 M K2SO4, O2-sat. 

0.5 M K2SO4, Ar-sat. 

0.5 M K2SO4, O2-sat. 

0.61 – 1.51 

0.39 – 1.45 

0.43 – 1.45 

0.40 – 1.50 

0.42 – 1.54 

20 

20 

20 

20 

20 

8 0.5 M Na2SO4+K2SO4, 

Ar-sat. 

0.39 – 1.45 20 

8 0.5 M Na2SO4+K2SO4, 

O2-sat. 

0.43 – 1.45 20 
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Table 3.2. Potential ranges and potential steps applied during the LICT measurements for 

polycrystalline Pt. 

pH Electrolyte Potential range (VRHE) Potential step (mV) 

2 0.5 M Na2SO4, Ar-sat. 0.06 – 1.00 20 

2 0.5 M Na2SO4, O2-sat. 0.02 – 1.00 20 

4 0.5 M Na2SO4, Ar-sat. 0.04 – 1.00 20 

4 

6 

6 

8 

8 

10 

10 

2 

2 

4 

4 

6 

6 

8 

8 

0.5 M Na2SO4, O2-sat. 

0.5 M Na2SO4, Ar-sat. 

0.5 M Na2SO4, O2-sat. 

0.5 M Na2SO4, Ar-sat. 

0.5 M Na2SO4, O2-sat. 

0.5 M Na2SO4, Ar-sat. 

0.5 M Na2SO4, O2-sat. 

0.5 M K2SO4, Ar-sat. 

0.5 M K2SO4, O2-sat. 

0.5 M K2SO4, Ar-sat. 

0.5 M K2SO4, O2-sat. 

0.5 M K2SO4, Ar-sat. 

0.5 M K2SO4, O2-sat. 

0.5 M K2SO4, Ar-sat. 

0.5 M K2SO4, O2-sat. 

0.08 – 0.98 

0.07 – 0.99 

0.05 – 0.99 

0.05 – 1.01 

0.03 – 1.18 

0.05 – 1.20 

0.05 – 1.20 

0.08 – 1.03 

0.08 – 1.02 

0.04 – 1.00 

0.06 – 1.00 

0.04 – 1.00 

0.01 – 1.21 

0.03 – 1.18 

0.03 – 1.18 

20 

20 

20 

20 

50 

50 

50 

50 

20 

20 

20 

20 

50 

50 

50 
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3.4.1.3 LICT Measurements for Cu(111) Crystals 

For all the LICT measurements on Cu(111), a fixed laser irradiation energy (67 mJ cm-2) 

was applied. The potential range was from -1.0 to -0.35 VSHE, which is well below the 

oxidation onset of Cu(111).234,235 The LICT experiments were conducted 

potentiostatically with a potential step of 25 mV. 

3.4.1.4 LICT Measurements for SURMOFs 

In order to avoid damage of the electrode, a laser irradiation energy of 12.5 mJ cm–2 

was applied for all the investigated SURMOF systems. The potential range was set 

between 0.81 and 1.21 VRHE. The LICT experiments were conducted potentiostatically 

with a potential step of 20 mV.  

3.4.2 Activity Measurements 

The HER and ORR activities of the disk-shaped polycrystalline Pt electrode in 

H2-saturated or O2-saturated 0.5 M (AM)2SO4 solutions (AM = Li+, Na+, K+, Cs+) at 

pH 6 were measured using the CV. A rotation speed of 1600 rpm was applied for all the 

HER and ORR activity tests in this work. The applied potential regime (for the HER -

0.40– 0.10 V vs RHE and the ORR 0.10–1.00 V vs RHE) was identical for each system. 

The scan rate was kept at 50 mV s–1. 

The OER measurements for Ni|Fe-[TA]-SURMOFs were conducted within a potential 

range of 1.10–1.75 VRHE for 5 cycles with a scan rate of 5 mV s–1. It should be noted 

that the OER polarization curves were automatically iR-corrected. 

10 

10 

0.5 M K2SO4, Ar-sat. 

0.5 M K2SO4, O2-sat. 

0.05 – 1.20 

0.05 – 1.20 

50 

50 
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4. Results and Discussion 

4.1 Interface Structure and Electrode Activity 

A fundamental understanding of the processes occurring at the electrode/electrolyte 

interface is required to develop high-performing electrocatalysts successfully.236-242 

Nowadays, the performance of a specific electrocatalytic reaction is generally believed 

to rely strongly on the composition and structure of the electrode surface.243-248 

However, in the case of aqueous electrolytes, electrocatalytic processes can also be 

influenced by the electrolyte composition.47,63,249 To understand how the electrolyte 

composition controls the interface structure and activity, the degree of order of the 

electric double layer (EDL) can be considered a critical factor governing the 

electrocatalytic processes.117 It can be anticipated that the more ordered the interfacial 

water structure is, the more energy is required to rearrange the water dipoles at the 

interface after the electron transfer. Conversely, the process should be easily carried out 

at the potential of maximum entropy (PME), at which the interfacial water molecules 

have the maximal disorder, and reactant species can pass through the EDL relatively 

easily. It can thus be expected that the closer the PME is to the thermodynamic 

equilibrium potential of a certain reaction, the faster this reaction should be. 

In the following sections, the results of experiments using polycrystalline Pt and Au 

electrodes in various electrolytes are discussed. First, the effect of the pH value in acidic 

solution was analyzed, and subsequently, the influence of alkali metal cations in the 

electrolyte was examined. The well-known hydrogen evolution and oxygen reduction 

reactions (HER and ORR), selected as model reactions, were investigated. The obtained 

results of the laser-induced current transient (LICT) measurements were associated 

with the HER and ORR activity data measured in the corresponding systems. The 

results suggest that the determination of the PME with the LICT method can be a 

valuable way to evaluate and investigate the influence of the electrolyte composition 
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on the electrocatalytic processes happening at the electrode/electrolyte interface. 

4.1.1 pH Effect 

4.1.1.1 pH Effect for Ptpc and Aupc Electrodes in HClO4 Solutions 

 

Figure 4.1. Typical cyclic voltammograms (CVs) of Ptpc at different pH values (only data for 

pHs 0, 1, and 2 are shown) of the HClO4 solutions. Scan rate: 50 mV s–1. The shape of the CV 

after the laser illumination was practically unchanged, confirming that the surface quality is 

not affected by the LICT measurements. 
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Investigations are started using simple systems: Ptpc in HClO4 solutions of different pH 

values (0, 0.5, 1.0, 1.5, and 2.0). First, CV measurements were performed to check the 

surface quality (Figure 4.1). The CVs include three regions: the hydrogen 

adsorption/desorption (Hads/des) region (approx. 0.05–0.45 VRHE), the so-called double 

layer region (approx. 0.45–0.70 VRHE), and the hydroxyl and oxygen 

adsorption/desorption (OH/Oads/des) region (approx. 0.70–1.00 VRHE). The CV shape 

was in good agreement with the results reported in the literature.250,251 

To investigate the pH effect on the EDL properties of Ptpc, LICT measurements were 

conducted. In essence, the equilibrium at the interface is destroyed by a short heat burst 

of a laser pulse, followed by a fast return to the initial EDL-state. The response of the 

system is recorded as the current transient. The potential at which the current transient 

changes its sign corresponds to the PME. Sample current transients were acquired for 

Ptpc in the HClO4 solutions (Figure 4.2). 

 

Figure 4.2. Sample LICTs recorded for Ptpc in Ar-saturated HClO4 solutions at (A) pH 0.5 and 

(B) pH 1.5. The PME can be found at a value between the two potentials where the current 

transient changes its sign.  
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Alternatively, the extreme values of the current transients (iXtrm) can be plotted as a 

function of the applied potential to determine the PME location (Figure 4.3). A positive 

electrode surface charge should lead to a positive current transient and vice versa 

because the sign of the charge of the electrode surface coincides with the current 

transient205,252.  

 

Figure 4.3. (A to E) The values of the current spikes maxima (iXtrm) as a function of electrolyte 

pH for Ptpc electrodes at different pH values (0, 0.5, 1.0, 1.5, and 2.0) of HClO4 electrolytes. 

(F) The PME of the Ptpc electrode shows a linear dependence on the pH value of the electrolyte. 
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Figure 4.3, A to E, shows the collected current transients for Ptpc at different H+ 

concentrations of the HClO4 solutions. The PME can be found at the potential at which 

the current transient changes its sign. The PME values of Ptpc electrodes are thus 

~0.31 V, ~0.35 V, ~0.37 V, ~0.39 V, and ~0.41 V vs RHE for the HClO4 electrolytes at 

pHs 0, 0.5, 1.0, 1.5, and 2.0, respectively. The PME becomes more positive as the pH 

increases. Moreover, the PME shows a linear relationship with the pH values (see 

Figure 4.3F). A slope of ~52 mV per pH unit is observed. The results obtained coincide 

with the data exhibited in previous literature about the Pt electrode planes.253 It should 

be mentioned that the PME is supposed to be independent of the pH value of the 

electrolyte on the standard hydrogen electrode (SHE) scale when the PME is located 

within the potential region without the influence of adsorption.179,254,255 Therefore, the 

PME should shift by around 59 mV per pH unit on the reversible hydrogen electrode 

(RHE) scale. Our obtained outcomes are comparable with the expected results. 

To check that the surface quality of the electrode is not affected by the laser irradiation, 

CVs were recorded after the LICT experiments. As Figure 4.1 shows, the surface 

quality of the electrode before and after the LICT measurements is comparable. 

As shown in Figure 4.3F, the PME of the Ptpc electrodes shifts from the thermodynamic 

equilibrium potential for the HER (0.00 V vs RHE) but closer to the corresponding 

potential of the ORR (1.23 V vs RHE). As mentioned above, the reaction rate at the 

surface should be higher when the equilibrium potential for this reaction is closer to the 

PME of the system. It can thus be expected that Ptpc electrodes in high H+ concentration 

(low pH) of HClO4 solutions should perform better for the HER, while their activity 

towards the ORR should be higher in HClO4 solutions of low H+ concentrations (high 

pH). 

The expectation can be confirmed by the activity measurements performed at different 

pH values (0, 1.0, and 2.0) of H2-saturated (for HER) or O2-saturated (for ORR) HClO4 

solutions (Figure 4.4A and B). The activity of Ptpc towards the HER decreases but 
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increases towards the ORR as a consequence of the pH increase. This is in good 

agreement with the expectations from the previous experiments and has similarly been 

reported by former studies on the pH effect on the activity for Ptpc electrodes.256,257 It 

should be noted that microelectrodes (Ptpc ME) were used for the activity measurements 

to increase the efficiency of the diffusion mass transport and the sensitivity of the 

activity measurements to potential changes.258  

 

Figure 4.4. Typical (A) HER and (B) ORR polarization curves for the Ptpc microelectrode 

(depicted as Ptpc ME) recorded at different pH values (0, 1.0, and 2.0) of H2-saturated or O2-

saturated HClO4 solutions. For easier comparison, the currents obtained for the ORR 

measurements have been normalized to the limiting current density (jlin). (C) The Ptpc ME 

activities towards the HER expressed as the exchange current density, j0, and (D) the ORR 

activity expressed as the half-wave potential, E1/2, in the HClO4 solutions of various pH values 

as a function of the PME. 
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The effect of the electrolyte pH on electrode activity has been widely investigated. 259-262 

For instance, Lamoureux et al. suggested that pH influences on the HER over Pt(111) 

could result from the change in proton donor using density functional theory (DFT) 

calculations.262 Zheng et al. reported that the alteration of electrolyte pH could affect 

the hydrogen binding energy, leading to the change of the HER activity for various 

platinum-group metal catalysts.263 Thus, the hydrogen binding energy should be the 

dominant descriptor for the HER activity. However, the change in the properties of the 

EDL was not discussed for both hypotheses. Koper et al. have suggested that the pH 

dependence of the HER is due to the shift in the potential of zero free charge (PZFC, 

related to the PME), which results in a change in the interfacial structure and kinetics.117 

The obtained results indicate that the PME has a significant influence on the electrode 

activity in our systems. Consequently, knowing the relations between the pH value, 

PME, and activity is essential to tune the catalytic performance. Figure 4.4, C and D, 

shows the correlations between the HER and ORR activities of the Ptpc electrodes and 

the respective PME values. Both trends exhibit a linear relationship. Although some 

studies have already earlier described the pH influence on the electrocatalytic activity 

for various electrodes,70,71 introducing the PME as a key parameter to associate with 

activity is a novel approach, which can lead to a better understanding of the mechanism 

behind the effect of the electrolyte composition. 

Similar experiments were done for Aupc electrodes to investigate further the pH effect 

on the EDL properties at the electrode/electrolyte interface. The corresponding CV 

measurements are displayed in Figure 4.5. The typical anodic peaks between approx. 

1.3–1.6 VRHE and a sharp reduction peak at approx. 1.1 VRHE are all visible. The 

observed CV features are consistent with those published in the literature.264,265 When 

comparing the peak areas of the oxidation and reduction processes on Aupc, it seems 

they are promoted in the electrolyte containing a higher concentration of H+ ions. As in 

the case of Ptpc, the shape of the CV did not change after the laser measurements. 
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Figure 4.5. Typical cyclic voltammograms of Aupc at different pH values (0, 1, and 2) of the 

HClO4 solutions. Scan rate: 50 mV s–1. Similar to the Ptpc, the CVs before and after laser 

measurements are almost identical. 

 

Sample current transients obtained for the Aupc electrode are shown in Figure 4.6. The 

PME trends are analogous to the ones observed on the Pt electrode. 
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Figure 4.6. Sample LICTs recorded for Aupc in Ar-saturated HClO4 at (A) pH 1 and (B) pH 2. 

It should be mentioned that all initial current values of the obtained transient peaks have been 

normalized to zero for easier comparison. The PME can be found between the two potentials 

where the current transient changes its sign. 

 

Specifically, as shown in Figure 4.7, A to E, the PME values of the Aupc electrode are 

~0.07 V, ~0.13 V, ~0.20 V, ~0.27 V, and ~0.32 V vs RHE at a pH of the HClO4 

electrolytes of 0, 0.5, 1.0, 1.5, and 2.0, respectively. The PME of the Aupc electrode also 

shows a linear dependence on the pH value of the electrolyte (see Figure 4.7F). The 

collected results are comparable with the previous literature data.181,211,266 However, the 

PME does not shift by around 59 mV per pH unit on the RHE scale when the PME lies 

within the double layer potential region. This could be because the reconstruction of 

the gold surface influences the location of the PME.211 

Like the Pt electrodes, the PME of Aupc drifts away from the onset potential of the HER 

towards the potentials where the ORR takes place. An increase in pH makes the surface 

water layer at potentials close to the onset of the HER become stiffer. On the other hand, 

the order of the EDL decreases at the potentials close to the ORR onset. It can thus be 
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inferred that as the pH value rises, the activity of the Au electrode decreases towards 

the HER and increases towards the ORR. 

 

Figure 4.7. (A to E) Current extrema of the LICT results obtained for the Aupc electrode at 

different pH values (0, 0.5, 1.0, 1.5, and 2.0) of Ar-saturated HClO4 electrolytes. (F) The PME 

of Aupc presented as a function of the electrolyte pH. Similar to Ptpc, the PME of Aupc shifts 

towards more positive values due to the pH rise. 
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In order to check these predictions, measurements of the Aupc activity towards the HER 

and ORR were performed at several pH values (0, 1.0, and 2.0) of H2-saturated (HER) 

or O2-saturated (ORR) HClO4 solutions (Figure 4.8A and B). As in the case of Ptpc 

electrodes, the activity towards the HER increases at high H+ concentrations of the 

electrolyte. In contrast, lower H+ concentrations of the electrolyte lead to an 

enhancement of the activity towards the ORR. The HER activities (expressed as the 

exchange current density) of the Aupc electrode show a linear relationship with the PME 

values (Figure 4.8C). 

 

Figure 4.8. Typical (A) HER and (B) ORR polarization curves for Aupc electrodes recorded at 

several pH values (0, 1.0, and 2.0) of H2-saturated or O2-saturated HClO4 solutions. For a 

better visibility, only the region dominated by the four-electron ORR kinetics is shown in (B). 

(C) The HER activities of Aupc, expressed as the exchange current density j0, as a function of 

the PME. Like in the case of Ptpc, a linear trend is revealed between the PME and activity. 
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4.1.1.2 Oxygen Effect for Ptpc and Aupc Electrodes in HClO4 Solutions 

In the last section, we investigated how the pH affected the location of the PME for Ptpc 

and Aupc electrodes in Ar-saturated HClO4 solutions at various pH values. This was 

related to the electrocatalytic activities (towards the HER and ORR) of the 

corresponding systems. In order to better understand the effect of the pH on the location 

of the PME, similar LICT measurements for Ptpc and Aupc electrodes in the O2-saturated 

HClO4 electrolytes of the various pH values were conducted.  

The typical current transients for Ptpc in O2-saturated HClO4 solutions were collected 

after the laser pulse (Figure 4.9). The acquired curves are superpositions of responses 

from different processes. 

 

Figure 4.9. Sample LICTs recorded for Ptpc in O2-saturated HClO4 solutions at (A) pH 0.5 and 

(B) pH 1.5. 

 

The potentials at which the current transients change their sign for Ptpc in the 

O2-saturated HClO4 solutions are ~0.35 V, ~0.40 V, ~0.45 V, ~0.53 V, and ~0.57 V vs 

RHE for pH values of 0, 0.5, 1, 1.5, and 2, respectively (Figure 4.10, A to E). 
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Figure 4.10. (A to E) Determination of the PME for Ptpc at different pH values (0, 0.5, 1.0, 1.5, 

and 2.0) of O2-saturated HClO4 solutions. (F) The dependence of the PME values of Ptpc 

depicted as a function of the pH. An increase in the pH results in an increase in the PME, 

similar to the Ar-saturated solutions. 

 

As for Ptpc in Ar-saturated HClO4 solutions, the PME shifts towards more positive 

potentials as a result of a pH increase in the case of the O2-saturated solutions. 
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Figures 4.10F and 4.11 indicate that the relationship between PME and pH value is 

rather linear.  

 

Figure 4.11. Comparison of the PME values collected for Ptpc electrodes at the different pH 

values (0, 0.5, 1.0, 1.5, and 2.0) of both Ar-saturated (black), and O2-saturated (red) HClO4 

solutions. 

 

However, the PME values measured in O2-saturated HClO4 solutions are more positive 

than the values measured in Ar-saturated solutions for all the pH values investigated 

(Figure 4.11). For the case of O2-saturated solutions, it can be inferred that the protons 

can be consumed by reducing O2 during the LICT measurements; this leads to a local 

change of pH at the interface between the electrode and electrolyte. The PME can thus 

be moved to a more positive potential for the same pH value when O2 is involved. 

A similar trend was observed for Aupc electrodes for the different pH values of 

O2-saturated HClO4 electrolytes. The sample current transients obtained for Aupc are 

presented in Figure 4.12.  
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Figure 4.12. Sample LICTs recorded for Aupc in O2-saturated HClO4 solutions at (A) pH 1 and 

(B) pH 2. All initial current values of the obtained transient peaks have been normalized to zero 

for easier comparison. 

 

The sign of the current transient flips at ~0.15 V, ~0.20 V, ~0.24 V, ~0.29 V, and 

~0.35 V vs RHE for pH values of 0, 0.5, 1, 1.5, and 2, respectively (Figure 4.13, A to 

E). The PME values also increase linearly as a result of the increase in pH 

(Figure 4.13 F). 
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Figure 4.13. (A to E) Current extrema of the LICTs obtained for Aupc at different pH values (0, 

0.5, 1.0, 1.5, and 2.0) for the O2-saturated HClO4 electrolytes. (F) The PME of Aupc shifts 

towards more positive values as a consequence of the local pH rise at the electrode surface in 

the O2-saturated HClO4 solutions. 

 

Although an analogous trend with Ptpc was observed (i.e., the PME values for Aupc 

measured in O2-saturated HClO4 solutions are more positive than the values measured 

in Ar-saturated solutions), O2 can influence the location of the PME much more on Ptpc 

than Aupc when comparing Figures 4.11 and 4.14. Specifically, the PME values for Ptpc 

and Aupc in Ar-saturated and O2-saturated HClO4 solutions at pH 0 are very close to 
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each other (around 0.04 V difference). However, when changing the pH of the 

electrolyte to 2.0, the difference of the PME values for Ptpc in the Ar-saturated and 

O2-saturated HClO4 solutions reaches 0.16 V. This difference could be due to the effect 

of oxygen on the state of the surface of platinum electrodes, which can influence the 

properties of the EDL.267-269 

 

Figure 4.14. The values of the PME plotted versus pH values for Aupc electrodes at the different 

pH values (0, 0.5, 1.0, 1.5, and 2.0) of (black) Ar-saturated and (red) O2-saturated HClO4 

solutions. 

 

In summary, in this section, Ptpc and Aupc electrodes were characterized using LICT at 

different pH values in Ar-saturated and O2-saturated HClO4 solutions. We demonstrate 

that the PME is dependent on the electrolyte pH value. For both electrodes, the PME 

increases linearly with the increase in pH. The HER and ORR activities for Ptpc and 

Aupc electrodes also show a strong relationship with the PME. Higher H+ concentrations 

of electrolytes lead to the enhancement of both electrode activities towards the HER, 

while lower H+ concentrations lead to the enhancement of activity towards the ORR. 

This confirms our expectation that the closer the PME is to the thermodynamic 
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equilibrium potential of a certain reaction, the faster this reaction should be. In addition, 

purging oxygen can shift the locations of the PME for both Ptpc and Aupc electrodes in 

HClO4 solutions at different pH values. This could be a consequence of the local 

protons at the interface between electrode and electrolyte being consumed by reducing 

O2 during the LICT measurements, thereby leading to a change of local pH. This 

ultimately changes the location of the PME. That means the EDL properties at the 

interface can be different for the same electrolyte composition with different dissolved 

gases. All results presented in this section indicate that the role of the electrolyte pH is 

essential in electrocatalytic systems. 

4.1.2 Cation Effect  

4.1.2.1 pH Effect in the Presence of Alkali Metal Cations 

We demonstrated in the last section that the pH effect of the PME on the electrocatalytic 

activity was drastic. However, the pH influence can be quite different for various 

electrolyte compositions.256 Generally, electrocatalytic properties can be influenced by 

both H+ and other ions in the electrolyte.43,55,270 The effect of alkali metal cations has 

lately started to gain much attention.270,271 For instance, in a recent report, we 

demonstrated the influence of the alkali metal cations on the EDL capacitance of several 

single crystal electrodes.272,273 However, the effect of alkali metal cations on 

electrocatalytic processes is not fully understood yet. A series of LICT measurements 

for the Aupc and Ptpc electrodes were performed to investigate further the effect of pH 

and electrolyte ions on the interfacial processes. These were conducted at various pHs 

(2, 4, 6, 8, and 10) in Ar-saturated and O2-saturated 0.5 M Na2SO4 and K2SO4 

electrolytes. It is worth noting that since the hydration energies of the Na+ (406 kJ mol-1) 

and K+ (322 kJ mol-1) cations are much closer to that of the ClO4
– (229 kJ mol-1) anions, 

the SO4
2– anions with higher hydration energy (1059 kJ mol-1) were selected here to 
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avoid competition for the influence of other species in the electrolyte. Therefore, the 

changes in the interfacial properties would only correlate to the alterations in the H+ 

concentration and the nature of the alkali metal cations in the investigated systems. 

Firstly, CVs of Aupc were recorded in Ar-saturated 0.5 M Na2SO4 and K2SO4 solutions 

at different pHs to check the surface quality of the electrode, as shown in Figure 4.15. 

At pH 2, CVs of Aupc in both Na+- and K+-containing electrolytes are comparable with 

the results measured in 0.1 M H2SO4 solution (see Figure 3.3B). The usual three typical 

anodic peaks between ca. 1.3–1.6 V and a sharp reduction peak at ca. 1.1 V can be 

observed. When increasing the pH of electrolytes, both the oxidation and reduction 

processes on the Aupc surface were influenced in both Na2SO4 and K2SO4 solutions. 

Particularly, when the electrolyte pH reaches 6, two broad reduction peaks are observed 

for Na+-containing electrolytes, and three reduction peaks in the presence of K+ can be 

seen within the investigated potential range. This could be because the local protons at 

the interface have a low concentration in a nearly neutral pH electrolyte. Therefore, the 

generated and consumed protons during the oxidation and reduction processes on the 

Aupc surface can easily change the local pH. For instance, during the O2 reduction 

process, the protons at the interface can be immediately consumed in a nearly neutral 

pH electrolyte. This could lead to a lower reduction potential of Au oxide.164,274,275 

 

Figure 4.15. Typical cyclic voltammograms of Aupc at various pHs (2, 4, 6, 8, and 10) in 0.5 M 

Ar-saturated Na2SO4 (A) and K2SO4 (B) solutions. Scan rate: 50 mV s–1. 
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The influence of alkali metal cations on the Aupc electrode processes can be further 

observed at the same pH, such as at 6, as presented in Figure 4.16. One can see that K+ 

cations promote the oxidation of Au, which is observed from the increased peak areas 

when compared to Na+. 

 

Figure 4.16. Cyclic voltammograms of Aupc in 0.5 M Ar-saturated Na2SO4 (blue) and 

K2SO4 (red) electrolytes at pH 6. Scan rate: 50 mV s–1. 

 

In addition, CV measurements at different scan rates were conducted in 0.5 M K2SO4 

solution. The results are shown in Figure 4.17. One can see that all the oxidation and 

reduction peaks increase with an increase in the scan rate quasi-linearly. Therefore, the 

observed oxidation and reduction processes are likely dominated by the adsorbed 

species at the electrode surface. 
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Figure 4.17. Cyclic voltammograms of Aupc in 0.5 M Ar-saturated K2SO4 electrolytes at 

different scan rates. 

 

To further study the influence of pH and cations, LICT measurements were conducted 

to identify the PME. The LICT experiments were performed in both Ar-saturated and 

O2-saturated solutions (Figure 4.18, A and B). The relaxation peaks were observed in 

both Ar-saturated and O2-saturated 0.5 M Na2SO4 solutions. To identify the location of 

the PME clearly, the extreme values of the current transients were plotted versus the 

working electrode potential (see Figure 4.18C and D). The PME values for Aupc were 

assessed to be ~0.19 V and ~0.35 V vs RHE in the Ar-saturated and O2-saturated 0.5 M 

Na2SO4 solutions (pH 2), respectively. 
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Figure 4.18. 3D plots of the LICT results obtained for Aupc at pH 2 in (A) Ar-saturated and (B) 

O2-saturated 0.5 M Na2SO4 electrolytes, respectively. (C and D) The corresponding 2D LICT 

plots of the collected current extrema presented as a function of the working electrode potential. 

 

Interestingly, the PMEs become more positive if the pH increases in both cases of 

Ar-saturated and O2-saturated 0.5 M Na2SO4 solutions. Figure 4.19, A to D, shows that 

the collected PME values for Aupc in the Ar-saturated 0.5 M Na2SO4 solutions are 

~0.25 V, ~0.34 V, ~0.58 V, and ~0.88 V vs RHE for pHs 4, 6, 8, and 10, respectively. 

While in the case of O2-saturated 0.5 M Na2SO4 electrolytes (see Figure 4.19E to H), 

the PME values for Aupc move towards ~0.39 V, ~0.46 V, ~0.66 V, and ~0.98 V vs RHE 

for pHs 4, 6, 8, and 10, respectively. 
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Figure 4.19. (A to D) Extreme current values of the laser-induced transients for Aupc immersed 

into Ar-saturated 0.5 M Na2SO4 solutions of different pHs (4, 6, 8, and 10). (E to H) The similar 

extreme current values collected for Aupc immersed into the O2-saturated 0.5 M Na2SO4 

solutions. 

 

It should be mentioned that the pH dependence of the PME here involves the influence 

of adsorption processes on the free charge distribution at the interface.179,254 The PME 

is supposed to be independent of the pH of electrolyte on the SHE scale when the PME 

is located within the potential range without adsorption influence.253 However, the PME 

is dependent on the electrolyte pH when the PME lies at the potentials where adsorption 

processes affect the free charge.254 

As presented in Figure 4.20, the PME values shift towards more positive potentials due 

to the pH increase for Aupc in both Ar-saturated and O2-saturated 0.5 M Na2SO4 

solutions. But one can notice that the PME values measured in O2-saturated Na2SO4 

solutions are more positive than the values measured in Ar-saturated cases for all the 
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investigated pH ranges. Similar to the Aupc in HClO4 solutions at different pHs (see 

Section 4.1.1.2), one can infer that this is because local protons at the electrode 

interface can be consumed by the reducing O2 during the LICT experiments, which 

causes a change of the local pH and consequently shifts the location of the PME. This 

makes it possible to estimate the local pH at the interface by determining the PME. 

Interestingly, the PME can be drastically moved for Aupc in both Ar-saturated, and 

O2-saturated 0.5 M Na2SO4 solutions, when changing the pH from 6 to higher values. 

And afterwards, the PME became more sensitive to the pH modification. However, the 

influence of O2 on the PME of Aupc became smaller with the pH increase when 

comparing the difference of the PME values in the Ar-saturated and O2-saturated 0.5 M 

Na2SO4 solutions at pH 2 (0.16 V) and pH 10 (0.10 V). 

 

Figure 4.20. The values of the PME for Aupc in Ar-saturated (blue) and O2-saturated (red) 

0.5 M Na2SO4 solutions plotted as a function of the electrolyte pH. 

 

Similar measurements for Aupc electrodes at various pHs (2, 4, 6, 8, and 10) in 

Ar-saturated and O2-saturated 0.5 M K2SO4 solutions were conducted to investigate the 
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role of the alkali metal cation for the Au electrode. As shown in Figure 4.21A to E, the 

potentials at which the current transients change their sign for Aupc in the Ar-saturated 

0.5 M K2SO4 solutions are ~0.13 V, ~0.27 V, ~1.26 V, ~1.30 V, and ~1.43 V vs RHE for 

pHs 2, 4, 6, 8, and 10, respectively. While in the case of O2-saturated 0.5 M K2SO4 

electrolytes (see Figure 4.21F to J), the PME values for Aupc are shifted towards 

~0.27 V, ~0.37 V, ~1.40 V, ~1.38 V, and ~1.49 V vs RHE for pHs, 2, 4, 6, 8, and 10, 

respectively.  

 

Figure 4.21. (A to E) Extreme values of laser-induced current transients obtained for Aupc 

immersed into the Ar-saturated 0.5 M K2SO4 solutions of different pHs (2, 4, 6, 8, and 10). 

(F to J) The similar extreme current values collected for Aupc immersed into the O2-saturated 

0.5 M K2SO4 solutions of the corresponding pH values. (K) The values of the PME plotted 

versus pH values for Aupc in Ar-saturated (blue) and O2-saturated (red) 0.5 M K2SO4 solutions. 
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As for Aupc in the 0.5 M Na2SO4 solutions, pH increase and the involvement of oxygen 

can both move the PME values to more positive potentials. The only exception is the 

case for the Aupc electrode in the O2-saturated 0.5 M K2SO4 electrolytes from pH 6 to 

8. Note, the PME value was hugely shifted from pH 4 to 6 for Aupc in both Ar-saturated 

and O2-saturated 0.5 M K2SO4 solutions, as presented in Figure 4.21K. This means that 

a slight change of pH within this pH region can alter the EDL structure significantly. 

One possible reason is that the presented specific adsorption, such as *OH 

(* representing the adsorbed species) and sulfate adsorption, results in phase transition 

and interfacial water rearrangements in the double layer276 and finally moves the 

location of the PME. However, the outcome differed from the case of Aupc in the 

Na2SO4. The PME did not show higher sensitivity to the pH change for higher pH 

(pH>6), even with a sudden PME change happening from pH 4 to pH 6. Besides, similar 

to the case of Aupc in the 0.5 M Na2SO4 electrolytes, the influence of O2 on the PME of 

Aupc became smaller with the pH increase (except in the case of pH 6) when comparing 

the difference of the PME values for Aupc in the Ar-saturated and O2-saturated 0.5 M 

K2SO4 solutions at pH 2 (0.14 V) and pH 10 (0.06 V). 

Surprisingly, although the PME values for Aupc in Ar-saturated 0.5 M K2SO4 solutions 

at pHs 6, 8, and 10 are more positive than the thermodynamic equilibrium potential of 

the ORR (1.23 V vs RHE), introducing oxygen further shifts the PME to more positive 

potentials. Thus, one can expect that the water structure at the interface between the 

electrode and electrolyte cannot only be influenced by dissolved O2 but also by H+, OH–, 

and SO4
2– ions adsorbed on the electrode surface. 

Additionally, the location of the PME shows higher sensitivity to the pH in the presence 

of K+ than Na+ on Aupc, when comparing the effect of these two cations on Aupc 

electrodes, as presented in Figure 4.22. Besides, when the pH of the electrolyte reaches 

6 or higher, the difference of the PME value for the systems containing these two cations 

becomes large (around 0.92 V). In this regard, Na2SO4 and K2SO4 cannot be considered 
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as equal supporting electrolytes. The EDL properties in the presence of these two 

cations are significantly different at the same pH. Combining the CVs in Figures 4.15 

and 4.16, it can be inferred that a strong phase transition takes place at the electrode 

surface in the case of a K2SO4 solution. 

 

Figure 4.22. The values of the PME for Aupc in Ar-saturated (dot) and O2-saturated (dash) 

0.5 M Na2SO4 (blue) and K2SO4 (red) solutions depicted as a function of the electrolyte pH. 

 

The laser experiments were conducted in a mixed solution (60 mL 0.5 M Na2SO4 and 

60 mL 0.5 M K2SO4) at pH 8 to support the statement further, as shown in Figure 4.23. 

The PMEs are 0.96 V and 1.08 V vs RHE for Aupc in the Ar-saturated and O2-saturated 

mixed solutions, respectively. The values of the PME for Aupc in this mixed solution 

are located between the PMEs of Aupc in Na2SO4 and K2SO4 solutions at the same pH 

value.  
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Figure 4.23. Determination of the PME of Aupc in (A) Ar-saturated and (B) O2-saturated mixed 

solution of 60 mL 0.5 M Na2SO4 and 60 mL 0.5 M K2SO4 at pH 8. 

 

To further understand the influence of the cations on the system behavior at various 

pHs, similar experiments for Ptpc were performed in Ar-saturated and O2-saturated 0.5 

M Na2SO4 and 0.5 M K2SO4 solutions at different pHs. As for Aupc, one can observe a 

similar increase in the PME due to the pH rise in both Ar-saturated and O2-saturated 

0.5 M Na2SO4 solutions (see Figure A1 in Appendix). As shown in Figure A1, A to 

D, the estimated potential values at which the sign of the current transient changes are 

located at ~0.09 V, ~0.11 V, ~0.18 V, and ~0.82 V vs RHE for pHs 2, 4, 6, and 8, 

respectively. Note that the location of the PME can be drastically shifted when the pH 

value of 0.5 M Na2SO4 changes from 6 to 8. Quite surprisingly, all the observed current 

transients stayed negative within the investigated potential regimes for Ptpc in 

Ar-saturated 0.5 M Na2SO4 solutions at pH 10 (see Figure A1E). Thus, the PME might 

be located at a more positive potential than the thermodynamic equilibrium potential of 

the OER. However, the applied potential range cannot be further extended to a more 

positive potential to avoid oxigen gas generation.  

When argon gas is changed to oxygen to saturate the electrolytes, the PME values for 
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Ptpc significantly move to more positive potentials. As depicted in Figure A1F to H, 

the sign of the current transients flips at ~0.67 V, ~0.79 V, and ~0.94 V vs RHE for pHs, 

2, 4, and 6, respectively. But when increasing the pH of the electrolyte to 8 and 10, all 

the obtained current spikes stayed negative within the studied potential range (see 

Figure A1I and J). The PME might be located at the more positive potentials where the 

OER is supposed to happen. 

The locations of the PME of Ptpc were remarkably shifted to more positive potentials 

when the electrolyte pH changed from 6 to 8, as presented in Figure A1K. Especially 

in the case of Ptpc in O2-saturated 0.5 M Na2SO4 electrolytes, the PME moved beyond 

the examined potential regions when the pH of the electrolyte changed from 6 to 8. 

Interestingly, Ptpc immersed in the 0.5 M K2SO4 electrolytes do not portray the PME 

values within the entire examined potential regime for most of the investigated systems. 

As presented in Figure A2, for Ptpc in Ar-saturated 0.5 M K2SO4 electrolytes at pH 2, 

the charge of the electrode surface stayed positive and did not change its sign with the 

potential change. The location of the PME might be more negative than the 

thermodynamic equilibrium potential of the HER (0.00 V vs RHE). However, the 

investigated potential cannot be extended to more negative potentials to avoid the 

generation of H2. In the case of Ptpc in Ar-saturated 0.5 M K2SO4 electrolytes, the PME 

values can only be found at pH 4 (0.09 V vs RHE) and pH 6 (0.22 V vs RHE), as shown 

in Figure A2B and C. When increasing the electrolyte pH to 8 and 10, the observed 

current transients for Ptpc stayed negative within the whole investigated potential ranges 

(see Figure A2D and E). 

Although the PME was not found for Ptpc in Ar-saturated 0.5 M K2SO4 electrolytes at 

pH 2, while changing from Ar- to O2-saturated solutions, the PME appeared at ~0.11 V 

vs RHE (see Figure A2F). For Ptpc in O2-saturated 0.5 M K2SO4 electrolytes at pH 4, 

the location of the PME was drastically shifted to ~0.89 V vs RHE compared to the Ar-

saturated solutions, as depicted in Figure A2G. However, the charge of the electrode 
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surface stayed negative when Ptpc was immersed into O2-saturated 0.5 M K2SO4 

electrolytes at pHs, 6, 8, and 10, as shown in Figure A2H to J. Again, the PME for Ptpc 

in these pHs of K2SO4 solutions might be located at more positive potentials where the 

OER takes place. As presented in Figure A2K, the location of the PME for Ptpc showed 

a substantial sensitivity to O2 and pH in the presence of K+.  

When comparing the influence of Na+ to K+ cations on the electrode/electrolyte 

interface, one can notice that the interface order can be easily changed even with small 

adjustments in the concentration of the H+ in the presence of the K+ than Na+ cations 

for both Ar- and O2- saturated cases, as shown in Figure A3. However, the situation for 

Pt is much more complicated than in the case of Au under the same conditions. Pt has 

a lower oxidation potential and a narrower double layer range. Besides this, the laser 

measurements were also conducted within the potential region of underpotential 

deposition, making it more difficult to correlate the PME with the EDL structure on the 

pristine Pt surface. 

4.1.2.2 Influence of Cations on the Electrode Activity 

To further investigate the influence of alkali metal cations on the electrode activity, the 

near-to-neutral pH (pH 6) electrolytes were selected. This ensures the avoidance of the 

strong influence from H+ or OH– ions on the PME and electrocatalytic 

performance.146,256,277,278 In this section, LICT and the HER and ORR activity 

measurements of Ptpc electrode were performed in 0.5 M (AM)2SO4 (AM = Li+, Na+, 

K+ and Cs+) electrolytes at pH 6. 

Figure 4.24, A and B, shows that the measurements of Ptpc activity towards the HER 

and ORR were conducted in 0.5 M (AM)2SO4 (AM = Li+, Na+, K+, and Cs+) solutions 

saturated with either H2 (for the HER) or O2 (for the ORR) at pH 6. We observed notably 

improved activity towards the HER in the presence of the Li+ while introducing Cs+ 

ions enhanced the activity towards the ORR. The trends obtained for both the HER and 
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ORR coincide with previous scientific reports regarding the activity influence on Pt 

electrodes from alkali metal cations.56,279 

 

Figure 4.24. Polarization curves for (A) the HER and (B) the ORR on Ptpc in H2- and 

O2-saturated 0.5 M (AM)2SO4 (AM = Li+, Na+, K+, and Cs+) solutions, respectively. (C) The 

Ptpc activities towards the hydrogen evolution expressed as the potential (vs RHE) required for 

a current density of -5 mA cm–2 and (D) the oxygen reduction activity expressed as the half-wave 

potentials versus the hydration energy of the related alkali metal cations. Both cases reveal a 

linear relationship with opposing trends. 

 

To clarify the relationship between the activities and the nature of the alkali metal 

cations, the potentials (vs RHE) at a current density of -5 mA cm–2 for the HER and 

half-wave potentials (E1/2) for the ORR were measured. Subsequently, we plotted the 

potentials at a current density of -5 mA cm–2 and half-wave potentials versus the alkali 

metal cation hydration energies (see Figure 4.24C and D). Remarkably, we find a clear 

linear trend in each case. In the case of the HER at Ptpc, the potential at a current density 
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of -5 mA cm–2 rises with the PME moving away from the thermodynamic equilibrium 

potential of the HER. The half-wave potential (E1/2) increases with the PME for the 

ORR activities. The presented results strongly suggest that there should be a particular 

dependence between the nature of the alkali metal cation and the activity of Ptpc. 

 

Figure 4.25. (A to D) The values of iXtrm plotted as a function of the applied potential (going 

from high to low potentials) in 0.5 M (AM)2SO4 (AM = Li+, Na+, K+, and Cs+) electrolytes 

(Ar-saturated) at pH 6. One can find the PME values at the point where the current transient 

changes its sign, i.e., iXtrm = 0. 

 

As previously elaborated, we believe that the degree of order in the EDL influences the 

electrocatalytic activity. In other words, the stiffness of the water structure at the 

interface can be the main factor to decide how easily the EDL rearranges itself after the 
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electron transfer. The orientation of the interfacial water is strongly dependent on the 

interfacial electric field.213 To elucidate more precisely how the electrolyte composition 

controls the electrocatalytic activity, we employed LICT measurements and determined 

the PME of the interfacial water layer. The corresponding current transients of each 

system are shown in Figure 4.25. The obtained PME values are ~0.11 V, ~0.18 V, 

~0.22 V, and ~0.25 V vs RHE for the systems containing Li+, Na+, K+, and Cs+, 

respectively. It is evident that the PME values get shifted towards positive potentials 

with decreasing the hydration energy of the alkali metal cations. 

Interestingly, plotting the obtained PME values against the hydration energy of the 

alkali metal cation reveals a linear relationship (Figure 4.26A). This confirms that the 

nature of the alkali metal cations can strongly influence the EDL and alter the potential 

drop within its structure. Similarly, the potential at a current density of -5 mA cm–2 and 

the half-wave potentials also exhibit a linear trend with the PME values (Figure 4.26B 

and C). The obtained results demonstrate that the HER and ORR activities of Pt have a 

strong relationship with the degree of order of the EDL. Thus, the PME can give a 

qualitative and quantitative explanation of the influence of the alkali metal cations on 

electrocatalytic reactions for Pt. Specifically, as the PME value was shifted from the 

vicinity of the thermodynamic equilibrium potential of the HER (0.00 V vs RHE) 

towards the corresponding potential value of the ORR (1.23 V vs RHE) along with the 

decreasing cation hydration energies, the degree of order of the EDL is supposed to 

become more rigid at the potentials close to the thermodynamic equilibrium potential 

of the HER but variably loose at that for the ORR. In other words, the charge or mass 

transfer barrier which must be overcome becomes higher for the HER but lower for the 

ORR. Thus, one can expect that the loss in the interfacial order for higher hydration 

energies at potentials close to the onset potential of the HER results in an increase of 

the HER activity. In contrast, lower hydration energies lead to a decreased interfacial 

order at the potentials remote from the potential of the HER, which in turn enhances 

the activity towards the ORR. The presented results strongly suggest that the 
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interactions between cation and water molecule affect the EDL structure at the interface 

and result in a different degree of order at the same potential. Consequently, the nature 

of cations can control the PME location and then tune the electrocatalytic activities.  

 

Figure 4.26. (A) The values of the PME plotted versus the hydration energies of the 

corresponding alkali metal cations. (B) The potential required for a current density 

of -5 mA cm–2 and (C) the half-wave potentials of Ptpc versus the PME values in the case of the 

related alkali metal cations. In each case, we identify a linear relationship between the 

parameters. These results suggest that the HER gets enhanced by alkali metal cations with 

higher hydration energies, whereas for the ORR, we find the opposite trend. 

 

Note, when comparing the ORR activity trends of Ptpc in HClO4 at different pHs (0, 1, 

and 2) and in 0.5 M (AM)2SO4 (AM = Li+, Na+, K+, Cs+) solutions at pH 6, both trends 

show a similar slope (see Figure 4.24D and Figure 4.27). 
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Figure 4.27. The E1/2 vs PME dependencies obtained for Ptpc, in HClO4 solutions at different 

pHs (0, 1, and 2) and 0.5 M (AM)2SO4 (AM = Li+, Na+, K+, Cs+) at pH 6. 

 

As presented in Sections 4.1.1.1 and 4.1.2.2, the investigated electrocatalytic activities 

(HER and ORR) for Ptpc and Aupc are highly related to the electrochemical interface 

order. One can predict the electrocatalytic activity with the PME change, which results 

from the influence of electrolyte species (concentration and their nature). As the 

observed relationship between the electrocatalytic activity and the PME shows a linear 

behavior in all investigated systems, the influence of the electrolyte can be described 

quantitatively. The degree of order of the interface between the electrode and electrolyte 

can be associated with the polarizability of the electrolyte, which can be quantified by 

the relative dielectric constant, εr.
244,280 This physical parameter depends on the 

concentration of the ions as well as their nature. Within a certain concentration range 

(C<2 M), this fundamental characteristic becomes a linear function of the nature and 

concentration of ions present in the solution280, as depicted by the following equation: 

𝜀𝑟 = 𝜀𝑝𝑢𝑟𝑒 𝐻2𝑂  − 𝛼(𝐶𝑖𝑜𝑛)     (4.1)  
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where 𝜀𝑝𝑢𝑟𝑒 𝐻2𝑂   is the dielectric constant of pure water ( 𝜀𝑝𝑢𝑟𝑒 𝐻2𝑂   ~ 82 at room 

temperature), 𝛼  is the proportionality coefficient describing the relative ion 

contribution, and 𝐶𝑖𝑜𝑛 is the ion concentration. Remarkably, as shown in Figures 4.3F 

and 4.7F, as well as in previous scientific reports179,253 performed within a narrow 

concentration range, a linear relationship is observed for the value of the PME. Thus, 

by analogy to Equation 4.1, the following expression is valid: 

𝐸𝑃𝑀𝐸 = 𝐸𝑃𝑀𝐸

𝑎𝑡 𝜀=𝜀𝑝𝑢𝑟𝑒 𝐻2𝑂  
±  𝛽𝐶𝑖𝑜𝑛      (4.2) 

where 𝐸𝑃𝑀𝐸  is the mentioned PME value, while 𝐸𝑃𝑀𝐸

𝑎𝑡 𝜀=𝜀𝑝𝑢𝑟𝑒 𝐻2𝑂  
 stands for the 

corresponding value acquired for the system containing pure water, and the function 𝛽 

describes the relative contribution of the ion concentration. 

As mentioned above, the observed relationship between the electrocatalytic activity and 

the PME value shows a linear trajectory in all our investigated systems. Therefore, by 

rearranging Equation 4.1 in terms of 𝐶𝑖𝑜𝑛, combining it with Equation 4.2, and taking 

the electrode activity in pure water, 𝐴𝐻2𝑂, as the reference, one can express the electrode 

activity, A, as follows: 

𝐴 ∝ 𝐴𝐻2𝑂  ±  �̌�[𝜀𝑝𝑢𝑟𝑒 𝐻2𝑂  − 𝜀𝑟
𝑒𝑙𝑒𝑐𝑡𝑟𝑜𝑙𝑦𝑡𝑒

]      (4.3) 

where �̌� is the proportionality coefficient dependent on the nature of the reaction.  

In Sections 4.1.1 and 4.1.2, we systematically studied the influence of the electrolyte 

composition on the interfacial process. The presented results and analysis qualitatively 

and quantitatively explain a strong influence of the electrolyte composition on the 

performance of electrocatalytic systems. Associating the PME with the corresponding 

changes in the electrocatalytic reactions can ‘‘simply’’ reflect how the interface 

structure can control the related electrocatalytic processes. Therefore, the determination 

of the PME can be a powerful method to understand better the electrochemical 

processes happening at the electrode/electrolyte interface. 
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In summary, the obtained results indicate that the nature of alkali metal cations strongly 

influences the EDL properties. Increasing the electrolyte pH in the presence of Na+ and 

K+ can shift the PME to more positive potentials for Au and Pt electrodes. However, 

the PME shows a higher sensitivity to the pH in the presence of K+ than Na+. Especially 

for Aupc in 0.5 M Na2SO4 and K2SO4 solutions at pH 6, the difference of the PME for 

these two electrolytes is around 0.92 V, which means the EDL structure is vastly 

different for Au in the solution containing Na+ and K+ ions. In this case, Na2SO4 and 

K2SO4 cannot be regarded as electrolytes of the same strength under the same 

conditions. As for the case in HClO4 solutions, oxygen can move the PME to more 

positive potentials in the presence of Na+ and K+. 

Interestingly, although the PME values for Aupc in Ar-saturated 0.5 M K2SO4 solutions 

of pHs 6, 8, and 10 are more positive than the thermodynamic equilibrium potential of 

the ORR, introducing oxygen can still shift the PME to more positive potentials. When 

fixing the pH at 6, the PME obtained for Ptpc in the electrolytes containing alkali metal 

cations shows a linear trend with the HER and ORR activities. Besides, the PME also 

exhibits a linear relationship with the hydration energies of the corresponding alkali 

metal cations. All presented results demonstrate that the nature of cation significantly 

influences the electrode processes. Therefore, determining the PME is considered a 

powerful approach to optimize electrochemical devices via the electrolyte composition. 

4.1.3 Anion Effect 

Inspired by the results on the pH and cation effect on the electrode processes, we further 

examined the influence of anions in this section. Five different anions (NO3
–, ClO4

–, 

Cl–, Ac–, and SO4
2–) were chosen here. As presented in Figure A4, the HER activity 

measurements for Ptpc in H2-saturated 0.5 M NaX (X = ClO4
–, Cl–, and SO4

2–) solutions 

at pH 6 were performed. Note, NaAc and NaNO3 were excluded for the HER activity 

measurement because of the reduction potential of Ac– and NO3
– located within the 
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explored potential regimes.281,282 One can find that Ptpc exhibits different HER activities 

in various solutions in which Ptpc possesses the highest activity in the presence of ClO4
–, 

followed by Cl– and SO4
2– in decreasing order of the HER activity. The potentials (vs 

RHE) at a current density of -5 mA cm–2 for the HER are ca. -0.236 V, -0.365 V, 

and -0.37 V for the systems containing ClO4
–, Cl–, and SO4

2–, respectively. 

Furthermore, the ORR activity measurements for Ptpc in O2-saturated 0.5 M NaX (X = 

NO3
–, ClO4

–, Cl–, Ac–, and SO4
2–) solutions at pH 6 were conducted, as shown in 

Figure A4B. Half-wave potentials (E1/2) for the ORR were collected to compare the 

anion influence. Specifically, E1/2 (vs RHE) for the ORR are ~0.708 V, ~0.697 V, ~0.58 

V, ~0.549 V, and ~0.54 V for the systems containing NO3
–, Ac–, ClO4

–, Cl–, and SO4
2– 

respectively. One can see that Ptpc shows the highest activity towards the ORR in the 

presence of NO3
–, followed by Ac–, ClO4

–, Cl–, and SO4
2– in decreasing order of the 

ORR activity. 

Obviously, Ptpc in both NaCl and Na2SO4 solutions exhibits lower HER and ORR 

activities since strongly adsorbed Cl– and SO4
2– can affect either the intermediates or 

the sites at the metallic electrode.283-287 For instance, for Pt in sulfuric acid, a (di)sulfate 

layer can be formed on the Pt surface, which can move the adsorption of reactants from 

the electrolyte to higher potentials.284 While for the investigation of the Pt in the 

electrolyte containing Cl–, the ORR properties influenced by adsorbed Cl– can be 

explained as a superposition of the individual ORR properties of the Pt(111) / Clad and 

Pt(100) / Clad interface between solid and liquid with respect to both the kinetic 

limitations and the formation of H2O2.
286 It is believed that ClO4

– does not adsorb on 

the Pt electrode surface and does not interact with the reactants.176 However, one-to-one 

interaction between perchlorate ions and adsorbed hydroxide was discovered, and this 

can reduce the ORR activity for the Pt electrode in the presence of ClO4
–.288 Although 

Pt shows the best activity towards the ORR in NaNO3 solution, the influence is 

supposed to be from the catalytic effect of the NO2
– anions, which comes from the 
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reduction of NO3
– anions.289 For the case of NaAc, Kaspar et al. confirmed that both 

COOH and COO– species can enhance the ORR performance.290 They believe that the 

reversible adsorption of competitive adsorbates can stabilize the initial and final states 

of the catalytic cycle, thereby improving the catalytic performance of the electrode. The 

results presented in Figure A4B reveal that Ptpc has better activity towards the ORR in 

the presence of Ac–, which is vastly close to the one in the presence of NO3
– anions 

when comparing the half-wave potentials (E1/2) for the ORR for Ptpc in these two 

electrolytes. 

The PME measurements were further performed for Ptpc in Ar-saturated 0.5 M NaX 

(X = NO3
–, ClO4

–, Cl–, Ac–, and SO4
2–) solutions (pH 6). The goal was to elucidate the 

relationship between the activity performance and the interfacial order of the EDL. As 

shown in Figures 4.21B, A5A, and B, the obtained PME values were ~0.18 V, ~0.15 V, 

and ~0.07 V vs RHE for the systems containing SO4
2–, ClO4

–, and NO3
–, respectively. 

One can note that there is no clear link between the PME with either the HER or ORR 

activities. Moreover, Ptpc in both NaAc and NaCl electrolytes portrays three PMEs 

(Figure A5C and D). This is surprising since a system has probably only one PZC291 

that is related to the PME. The existence of three PMEs is believed to be consistent with 

the theory about the mass and charge influence from the interfacial water structure.205 

However, these findings make it much more difficult to explain the anion effect on the 

activity. Besides, unlike the case in the cation effect study, the hydration energy of the 

investigated anions, such as Cl– (-381 KJ mol–1), NO3
– (-314 KJ mol–1), and 

Ac– (-300 KJ mol–1), is very close to the used cation, Na+ (-406 KJ mol–1). It is 

inevitable for the obtained results to be affected by the competition of the cations in the 

electrolyte. 
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4.2 The Investigation of the Electrochemical Interface 

Properties at Cu(111) in Alkaline Solutions 

Owing to its unique ability to catalyze the electrochemical conversion of CO2 and CO 

into valuable fuels and chemicals, copper (Cu) is widely utilized in different 

applications.292-296 For instance, the selectivity of CO2 and CO reduction was studied 

on polycrystalline Cu in the alkali metal cation containing electrolyte.297 More 

interestingly, different steps of Cu single crystal yield different products for the same 

reduction reaction, which can be tuned to achieve improved selectivity.298-300 Although 

many methods are applied in the investigation of the effect of electrochemical 

conditions on the interfacial structure of Cu/liquid, it is still insufficient to understand 

the interfacial processes.44,301,302 Especially, it has been noticed that the declining 

performance of Cu can be hugely influenced by electrolyte compositions (pH, cations, 

anions), which is supposed to be related to the structure of the Cu/liquid interface.303-305 

Therefore, understanding the electrochemical Cu/liquid interface is required for the 

optimization of the studied systems.  

In this section, the LICT technique and electrochemical scanning tunneling microscopy 

(EC-STM) were utilized to investigate the Cu(111)/liquid interface properties and 

dynamics. Specifically, the PME measurements for Cu(111) in 0.1 M NaClO4 solutions 

of different pHs (10, 11, 12, and 13) were conducted. The pH influence on the 

solid/solution interface was investigated. In-situ EC-STM experiments were further 

performed to correlate the PME with the restructuring of the Cu(111) electrode surface. 

Our results reveal the true charge distribution and its relationship with the atomic 

structure of the Cu electrochemical interface, especially the structural dynamics at the 

PME. Besides, the pH dependence of the PME for Cu(111) in alkaline electrolytes was 

established. 

Initially, CV measurements were conducted to check the electrode surface quality at 
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various pH values (13, 12, 11, and 10), as is depicted in Figure 4.28. All voltammetric 

profiles show the characteristic peak pair related to the adsorption and desorption of 

OH-species. Taking pH 13 as an example, the studied potential range is 

between -0.9 VSHE and -0.35 VSHE. The observed peak pair at ~ -0.65 VSHE (0.12 VRHE) 

corresponds to the adsorption and desorption of OH– ions from the alkaline solutions, 

which is in accordance with previous studies.306,307 It should be mentioned that 

compared to consistent CVs of single crystal Au and Pt, the voltammetric response of 

Cu(111) in the alkaline solution can exhibit a small difference to the literature result 

from the influence of surface pre-treatment, applied potential range308, and used 

glassware.306 But combining the CV measurement conducted in 0.1 M NaOH solution 

at the same pH value (see Figure A6), the obtained voltammetric profile (Figure 4.28) 

does not display any additional feature for Cu(111) in the alkaline solution containing 

ClO4
–, which demonstrates that no specific adsorption of ClO4

– takes place. Besides, 

for different pH values, the OH-adsorption peak exhibits ideal Nernstian characteristics 

with a shift of around 59 mV per pH unit. 
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Figure 4.28. Cyclic voltammograms of Cu(111) in 0.1 M NaClO4 solutions of different pHs (13, 

12, 11, and 10). Scan rate: 50 mV s–1. The observed peak pairs correspond to the adsorption 

and desorption of OH– ions from the alkaline solutions. 

 

As shown in Figure 4.29, the LICT measurements were performed for Cu(111) in 

NaClO4 solutions of different pHs (13, 12, 11, and 10). All obtained current transients 

show a rather monotonic decay after the laser heating. This implies that the main 

contribution to the responses is interfacial water reorganization since bipolar or 

nonmonotonous current transients would demonstrate that an overlap of different 

processes with different relaxation rates exist.  
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Figure 4.29. 3D plots of the LICT results obtained for Cu(111) in NaClO4 solution at (A) pH 13, 

(B) pH 12, (C) pH 11, and (D) pH 10, respectively. The blue color range corresponds to the 

negative current transients, green to the alteration of current transient sign (i.e., the PME), 

grey to positive current transients. 

 

To show the PME locations clearly, the corresponding extreme values of the current 

transients were plotted versus the working electrode potential, as shown in Figure A7. 

In addition, one can calculate the charge densities q from the integration of the current 

transients. Then, the plot of the charge densities against the electrode potential can be 

used to identify the PME, as shown in Figure 4.30. 
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Figure 4.30. Calculated charge densities q (from integration of the current transients) vs E in 

0.5 M NaClO4 at (A) pH 13, (B) pH 12, (C) pH 11, and (D) pH 10, respectively. 

 

As the PME is located at the potential where no excess charge exists on the electrode 

surface, the PMEs are -0.73 VSHE, -0.64 VSHE, -0.54 VSHE, and -0.47 VSHE for pHs 13, 

12, 11, and 10, respectively. Figure 4.31 shows that the PME shifts towards a more 

negative potential (around 88 mV per pH unit on the SHE scale or ~29 mV per pH unit 

on the RHE scale) due to the pH increase. At pH 13, the PME is located at the double 

layer region (see Figure 4.28), which is comparable with the literature.309 As discussed 

in Section 4.1, the PME should be independent of the electrolyte pH on the SHE scale 

in case either the PME is located within the double layer range, or the adsorption 

process does not involve any change in the free charge. Therefore, the pH dependence 

of the PME observed for Cu(111) demonstrates that the free charge is dependent on the 

excess charge of adsorbed OH species. This is similar to what was found on 

Au(111),181,310 Pt(111),212, and Ir(111)179, where the adsorption of anions possesses 

different adsorption strengths. 
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Figure 4.31. The PMEs for Cu(111) in 0.1 M NaClO4 solutions at different pH values. 

 

In-situ EC-STM imaging was applied to check the local morphology and structures 

formed at the Cu(111) electrode surface. The results for Cu(111) in 0.1 M NaClO4 

solutions (pH 13) were taken as an example, as shown in Figure A8. The measurements 

were performed within a potential range of -1.0 VSHE to -0.75 VSHE and a 

time-dependence at the PME (-0.75 VSHE). Figure A8A shows the metallic Cu(111) 

surface possesses terraces and (vacancy) islands mostly separated by monoatomic steps. 

However, when altering the applied potential to the PME (-0.75 VSHE), the surface 

morphology of Cu begins to change slightly within 15 min (marked with arrows and 

boxes in Figure A8B to F). After extended time (~23 min) at the PME, substantial 

(vacancy) island growth and vanishing are visible, as presented in Figure A8G and H. 

The changes, able to minimize the surface energy, should be caused by a movement of 

surface atoms and a beginning reconstruction of the topmost Cu layer. The observed 

sluggish surface dynamics on Cu(111) at the PME demonstrate that the surface 

morphology is never completely static. However, the changes proceed rather slowly 
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when a more positive potential (> -0.75 VSHE) is applied at the Cu surface. This is 

because anion adsorption processes take place on Cu(111) at higher anodic 

potentials.311-313 

To conclude, we have shown that the potential dependent electrode charge with respect 

to the PME can immensely influence the atomic structure of the Cu(111) electrode 

surface, which is essential for understanding the electrochemical reactions taking place 

at the interface. Moreover, in-situ EC-STM imaging revealed that the Cu(111) surface 

slowly begins to restructure at the potentials close to the PME, where the first subtle 

morphology and structure changes are observed. The pH effect measurements show that 

the PME for Cu(111) in 0.1 M NaClO4 solutions can be shifted by 88 mV per pH unit 

on the SHE scale, which means that the pH can influence the interfacial structure of Cu 

in the alkaline solutions. These findings prove that the determination of the PME of Cu 

in alkaline solutions is now available for interpretating electrocatalysis and 

electrosorption studies in general.  

4.3 The Cation Effect on Metal-Organic Framework 

Derivatives 

Metal-organic frameworks (MOFs) are a class of porous coordination networks that 

consist of organic linkers and metal ions/clusters.314-318 Owing to their unique properties, 

such as the diversified framework architectures and high surface areas, MOFs and 

MOF-derived materials have attracted considerable attention over the years for various 

applications in medicament delivery319,320, gas storage/separation321-323, heterogeneous 

catalysis324-326, and sensors327.  

Recently, our group has developed a versatile and facile strategy to synthesize mixed 

metal hydroxide electrocatalysts derived from surface-mounted MOFs (SURMOFs) 

with excellent OER performance in alkaline media.328,329 In this section, the cation 

effect on SURMOF derivatives was studied by the LICT technique. The experiments 
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were conducted for the Ni|Fe-[TA]-SURMOF derivatives in 0.1 M AMOH (AM = Li+, 

Na+, K+, and Cs+) solutions. Here, [TA] represents the deprotonated terephthalic acid. 

As shown in Figure 4.32, the OER performance of these derivatives was assessed in 

the alkaline electrolytes containing different alkali metal cations. It can be observed that 

the activity towards the OER shows a decrease in the following order: Cs+ > K+ > Na+ > 

Li+, which is in good agreement with the previous reports.330 

  

Figure 4.32. OER polarization curves of Ni|Fe-[TA]-Catalysts recorded in O2-saturated 0.1 M 

LiOH (pH 13.1), 0.1 M NaOH (pH 13.4), 0.1 M KOH (pH 13.4), and 0.1 M CsOH (pH 13.5) 

electrolytes. Scan rate, 5 mV s–1. Note, the SURMOFs derivatives are denoted as Catalyst after 

electrochemical cycling here. 

 

In order to check the interfacial water structure effect on the OER activity of the 

SURMOF-derived NiFe(OOH) electrocatalysts, the LICT measurements were 

performed in the corresponding systems containing different alkali metal cations (see 

Figure 4.33). As the PME is located at the potential where no excess charge exists on 

the electrode surface, the PMEs are around 0.96 V, 0.98 V, 1.00 V, and 1.04 V vs RHE 
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for 0.1 M LiOH, 0.1 M NaOH, 0.1 M KOH, and 0.1 M CsOH solutions, respectively. 

It is obvious that the PME increases with the decrease of the alkali metal cation 

hydration energy. 

 

Figure 4.33. (A to D) The maximum current transient values plotted as a function of the applied 

potential for 0.1 M LiOH (pH 13.1), 0.1 M NaOH (pH 13.4), 0.1 M KOH (pH 13.4), and 0.1 M 

CsOH (pH 13.5) electrolytes, respectively. One can find the PME values at the point where the 

current transient changes its sign, i.e., iXtrm = 0. 

 

According to the discussion in Section 4.1.2, one can assume that the closer the PME 

is to the thermodynamic equilibrium potential of the OER, the better the OER activity 

should be. Since the PME for Ni|Fe-[TA]-Catalyst in the presence of Cs+ is closer to 

the onset potential of the OER, it has less order of the interface at the onset potential of 

the OER. Therefore, one can infer that Ni|Fe-[TA]-Catalyst should show better OER 

performance in the presence of Cs+. The observed OER activity results confirm our 
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expectations. Moreover, the OER activity shows an approximately linear relationship 

with the PME value (see Figure 4.34), which indicates that the OER performance of 

Ni|Fe-[TA]-Catalyst has a strong correlation with the interface structure influenced by 

the alkali metal cations in the electrolyte. 

  

Figure 4.34. The current density at the potential of 1.53 V versus the PMEs of 

Ni|Fe-[TA]-Catalyst in electrolytes containing alkali metal cations. The Pearson correlation 

coefficient (r) is 0.92 according to the linear fitting. 

 

In summary, the cation effect on the OER activity of the SURMOF-derived NiFe(OOH) 

electrocatalysts follows the order of Cs+ > K+ > Na+ > Li+. Based on the LICT technique, 

the correlation between the OER performance and the PME was found. The obtained 

results further confirm our expectation that the closer the PME is to the thermodynamic 

equilibrium potential of a certain reaction, the faster this reaction should be. Thus, the 

PME determination with the LICT can be considered a powerful method for the 

investigation of the electrochemical processes taking place at the electrode/electrolyte 

interface. 
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5. Conclusions and Outlook 

This work aimed at studying the influence of the electrolyte composition on the 

properties of the electric double layer (EDL) and the electrode activity. In this respect, 

the unique laser-induced current transient (LICT) technique was applied in the 

investigation of various electrochemical systems. The effect of electrolyte pH, alkali 

metal cation, and anion was systematically investigated. In particular, the hydrogen 

evolution reaction (HER), the oxygen reduction reaction (ORR), and the oxygen 

evolution reaction (OER) were selected. Based on the obtained results, it can be inferred 

that the reaction under study proceeds at a fast rate when the potential of maximum 

entropy (PME) is closer to the thermodynamic equilibrium potential of that reaction. 

In Section 4.1, the measurements were conducted for the polycrystalline platinum and 

gold electrodes in electrolytes of various compositions. The experiments using the 

LICT technique with cyclic voltammetry (CV) confirmed the influence of electrolyte 

composition on the properties of the EDL. For both Pt and Au in HClO4 solutions at 

different pH values, higher H+ concentrations of electrolytes lead to the enhancement 

of both electrode activities towards the HER, while lower H+ concentrations of 

electrolytes lead to the enhancement of the activities towards the ORR. This is because 

the PME for lower pH values was closer to the thermodynamic equilibrium potential of 

the HER, while the PME is closer to the ORR for electrolyte compositions with lower 

concentrations of H+. The introduction of oxygen can also alter the EDL properties 

because the local protons at the electrode/electrolyte interface can be consumed by 

reducing O2 during the LICT measurements; this, in turn, leads to a change of the local 

pH. Regarding alkali metal cations, the PME showed a higher sensitivity to the pH in 

the presence of K+ than Na+. The PME increased with the rise of the electrolyte pH. 

However, it is worth noting that the PME can be altered sharply at some point (for 

instance, from pH 4 to 6 for Au in 0.5 M K2SO4 solution). Besides, the interfacial 

structure for Au in the electrolyte containing Na+ and K+ ions can be hugely different 
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because of the enormous PME difference for these two cations, for instance, at pH 6. 

In this case, Na2SO4 and K2SO4 cannot be considered as equal supporting electrolytes. 

As for the case in HClO4 solutions, oxygen can also move the PME to more positive 

potentials in the electrolyte containing alkali metal cations. When fixing pH at 6, there 

was a linear relationship between the PME and the HER and ORR activities for Pt 

electrodes in the presence of alkali metal cations. The PME increased with the decrease 

of hydration energy in the following order: Li+ < Na+ < K+ < Cs+. The rate of the HER 

increased in the Li+-containing solutions, while the activity toward the ORR became 

higher in the presence of Cs+. One can deduce that the electrode activity is dependent 

on the nature of the alkali metal cation since the HER and ORR activities presented a 

linear trend with the hydration energies of the corresponding alkali metal cations. The 

results of this part demonstrated that the different H+ concentrations and the presence 

of alkali metal cations influence the interfacial structure, which can be further seen in 

electrocatalytic reactions.  

In Section 4.2, the LICT technique, together with the in-situ EC-STM imaging, was 

utilized for the investigation of the Cu(111)/liquid interface structure and dynamics. 

The results illustrated that the atomic structure of the Cu(111) electrode surface could 

be strongly influenced by the potential dependent electrode charge, which correlates 

with the PME. Interestingly, in-situ EC-STM imaging showed that the Cu(111) surface 

slowly begins to restructure at the potentials close to the PME. Within a certain period, 

first subtle morphology and structure alterations can be observed around the PME. Also, 

the PME for Cu(111) in 0.1 M NaClO4 solutions can be moved by ~88 mV per pH unit 

on the SHE scale. That means the Cu(111)/electrolyte interface structure is 

pH-dependent in alkaline media. These findings provide the possibility for investigating 

the electrochemical interface of other soft coinage metals, such as silver, owing to the 

importance of the reconstructions under electrochemical reaction conditions in their 

activity performance. 
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In Section 4.3, the alkali metal cation effect on the OER activity of the surface-mounted 

metal-organic framework (SURMOF)-derived NiFe(OOH) electrocatalysts in alkaline 

media was investigated. It was established that the activity of the SURMOF-derivatives 

towards the OER shows a decreasing order, i.e., Cs+ > K+ > Na+ > Li+. The LICT 

measurements revealed that the PME of the SURMOF-derivatives was closer to the 

thermodynamic equilibrium potential of the OER in the presence of Cs+. Furthermore, 

the obtained PME showed an approximately linear relationship with the OER activity, 

which evidences a clear correlation between the OER performance of the 

SURMOF-derivatives and the nature of the alkali metal cation. The observed results in 

this part further confirm our expectation that the closer the PME is to the 

thermodynamic equilibrium potential of a certain reaction, the faster that reaction 

would be. 

Overall, the LICT technique shows great potential to be a powerful tool for 

investigating various electrochemical systems, thanks to its relative simplicity and the 

ease at which it can be combined with other techniques. The determination of the PME 

with the LICT method provides information on the EDL structure, which is helpful for 

better understanding the mechanisms of the electrochemical processes taking place at 

the electrode/electrolyte interface. The LICT technique has been successfully employed 

to study noble metal electrodes, non-noble metal electrodes, metal oxides, and polymers. 

The obtained information about the EDL structure is of significance for the optimization 

of the studied systems. Particularly interesting is the role of the electrolyte composition 

in the electrochemical system since its importance in the performance of the electrode 

activity needs highlighting. The presented results in this thesis demonstrate the ability 

of the LICT technique to improve the fundamental understanding of electrolyte effects 

in dissimilar simple or complex electrochemical systems. Therefore, this method can 

potentially be utilized for other electrochemical systems: for instance, in the presence 

of organic electrolytes and solid electrolytes. In addition, it can also be applied for the 

investigation of electrochemical interface reconstruction of other soft coinage metals. 
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Finally, it is our considered view that this remarkably valuable and unique method can 

be a powerful tool for studying the mechanism of the interfacial processes and further 

optimizing the electrochemical system. 
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Appendix 

A. pH Effect in the Presence of Alkali Metal Cations for Pt 

Electrode 

 

Figure A1. (A to E) Extreme current transients of the LICTs collected for Ptpc immersed into the 

Ar-saturated 0.5 M Na2SO4 solutions of different pHs (2, 4, 6, 8, and 10). (F to J) The similar 

extreme current values obtained for Ptpc immersed into O2-saturated 0.5 M Na2SO4 solutions of 

the corresponding pH values. (K) The values of the PME plotted versus pH values for Ptpc in 

Ar-saturated (blue) and O2-saturated (red) 0.5 M Na2SO4 electrolytes. 
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Figure A2. (A to E) Extreme current transients of the LICTs collected for Ptpc immersed into the 

Ar-saturated 0.5 M K2SO4 solutions of different pHs (2, 4, 6, 8, and 10). (F to J) The similar 

extreme current values obtained for Ptpc immersed into O2-saturated 0.5 M K2SO4 solutions of 

the corresponding pH values. (K) The values of the PME plotted versus pH values for Ptpc in 

Ar-saturated (blue) and O2-saturated (red) 0.5 M K2SO4 electrolytes. 
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Figure A3. The values of the PME for Ptpc in Ar-saturated (dot) and O2-saturated (dash) 0.5 M 

Na2SO4 (blue) and K2SO4 (red) solutions depicted as a function of the electrolyte pH. 
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B. Anion Effect for Pt Electrode 

 

Figure A4. Polarization curves for (A) the HER and (B) the ORR activity for Ptpc immersed 

into H2-and O2-saturated 0.5 M NaX (X= NO3
–, ClO4

–, Cl–, Ac–, and SO4
2–) solutions of pH 6, 

respectively. 
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Figure A5. (A to D) The values of iXtrm plotted as a function of the applied potential (going from 

high to low potentials) in the near-to-neutral pH (pH 6) 0.5 M NaX (X= ClO4
–, NO3

–, Ac–, and 

Cl–) electrolytes (Ar-saturated). One can find the PME values at the point where the current 

transient changes its sign, i.e., iXtrm = 0. 
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C. The Electrochemical Interface Structure of Cu(111) in 

Alkaline Solutions 

 

Figure A6. Cyclic voltammetry of Cu(111) in 0.1 M NaOH solution of pH 13. Scan rate: 

50 mV s–1. 
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Figure A7. (A to D) The values of maximum current transient values plotted as a function of 

the applied potential for pHs 13, 12, 11, and 10, respectively. One can find the PME values at 

the point where the current transient changes its sign, i.e., iXtrm = 0. 
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Figure A8. (A) and (B) Time- and potential-dependent sequence of EC-STM images at negative 

electrode charge (-1.0 VSHE) and (B) to (H) at the PME (-0.75 VSHE) of Cu(111) in 0.1 M NaClO4 

solution (pH 13). The morphology of the surface gradually changes, which are highlighted with 

a square and arrows, marking the location of identical spots on the surface that slightly have 

moved due to the drift in the images. Size = 250 x 250 nm2, Itip = 1 nA, Etip = -0.40 VSHE. (Images 

were recorded by A.Auer, University of Innsbruck) 

 

 

 

 

 

 

 

 

 

 



 

139 

 

D. Abbreviations and Symbols 

a ion activity 

A catalytic activity 

AFC alkaline fuel cell 

AIMD ab initio molecular dynamics 

AM alkali metal 

c thermal capacity 

C capacitance/capacitor 

C the concentrations of the reactants 

Cd the differential capacitance of the diffuse layer 

Cdl double layer capacitance 

Ci inner double layer capacitance 

CA chronoamperometry 

CE      counter electrode 

CV cyclic voltammetry or voltammogram 

d density 

DFT density functional theory 

e elementary charge 
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E      potential 

E0 standard electrode potential 

E1/2 half-wave potential 

Eeq equilibrium potential 

ECSTM electrochemical scanning tunneling microscopy 

EDL      electric double layer 

EQCM electrochemical quartz crystal microbalance 

F Faraday constant 

G Gibbs free energy 

H distance 

Hads/des hydrogen adsorption/desorption 

HER hydrogen evolution reaction 

HOR hydrogen oxidation reaction 

I electric current 

iXtrm the extreme values of the current transients 

IHP inner Helmholtz plane 

j current density 

k reaction rate constant 
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LBL layer-by-layer 

LICT laser-induced current transient 

M molar mass 

Me metal 

ME microelectrode 

MHDA 16-mercaptohexadecanoic acid 

MMO mercury-mercury oxide electrode 

MMS the mercury-mercurous sulfate reference electrode 

MOF metal-organic framework 

n number of electrons 

OHads/des hydroxyl adsorption/desorption 

OHP outer Helmholtz plane 

OER oxygen evolution reaction 

ORR oxygen reduction reaction 

pc      polycrystalline 

PAFC phosphoric acid fuel cell 

PEMFC polymer electrolyte membrane fuel cell 

PME the potential of maximum entropy 
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PZC the potential of zero charge 

PZFC the potential of zero free charge 

PZTC the potential of zero total charge 

q electric charge 

q charge density 

R gas constant 

RDE rotating disk electrode 

RE     reference electrode 

rpm     rotations per minute 

RHE reversible hydrogen electrode 

S entropy 

SCE saturated calomel electrode 

SEIRAS surface-enhanced infrared absorption spectroscopy 

SHE standard hydrogen electrode 

SOFC solid oxide fuel cell 

SSC silver-silver chloride electrode 

SURMOF surface-mounted metal-organic framework 

T temperature 
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TA terephthalic acid 

t time 

v stoichiometric number 

v reaction rate 

V voltage 

WE      working electrode 

XAS X-ray absorption spectroscopy 

XRS X-ray scattering 

z      valence number 

Γ surface excess charge 

Ψs the potential across the EDL 

𝞪 transfer coefficient 

γ liquid metal surface tension 

ε dielectric constant 

η overpotential 

κ thermal conductivity 

σ interfacial tension 

φ Galvani potential 
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φ0 standard Galvani potential 

μ  chemical potential 
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E. Publications 
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