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ABSTRACT 

 

A Study on Catalysis and Electrolyte Engineering for H2/O2 Electrochemical 

Reactions 

 

Tatsuya Shinagawa 

 

Water electrolysis conjugated with renewable energy sources potentially realizes 

a sustainable society. Although the current electrolyzers operate at extreme pH 

to maximize the electrolysis efficiency, near-neutral pH conditions may optimize 

the overall system operation when conjugated with renewable energy sources. In 

this context, a study on the electrolysis in the mild conditions is essential. The 

dissertation investigates the water electrolysis in various conditions, with a 

particular focus placed on milder conditions, to rationalize and improve its 

performance. Microkinetic analysis was performed for the cathodic half-reaction 

in conjugation with mass transport evaluation using various electrode materials. 

The analysis revealed a significant universal influence of electrolyte properties on 

the reaction performances at near-neutral pH. Investigation of the associated 

electrolyte properties (ion size, viscosity and activity/fugacity) rationally optimized 

the reaction conditions. Together with the separately performed studies on the 

anodic half-reaction and system configurations, the finding was successfully 

transferred to electrocatalytic and solar-driven water splitting systems. The 

presented herein is a fundamental yet crucial aspect of water electrolysis, which 

can advance the water electrolysis for the future.  
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1. Introduction 

1.1. Current Status of World Energy Supplya 

The world primary energy demand reached 13,559 Mtoe in 20131 and is 

expected to continue to monotonically increase in the future.1,2 According to the 

International Energy Agency (IEA) statistics, fossil fuels accounted for 81.5% of 

the primary energy sources in 2012: coal 29.0%, oil 31.1% and natural gas 

21.4%.1 Energy supplied by renewable sources remained small, which was 

merely 3.6% (including hydropower of 2.4%) in 2013.1 Figure  1.1 summarizes the 

primary energy sources for global electricity generation in 2013.1,3 Fossil fuels, 

such as coal, oil, and natural gas were also responsible for the majority of 

electricity generation (67.4%), and the renewable energy accounted for only a 

small portion of the electricity generation in the world (5.7%). Ultimately, the 

global energy demand can potentially be met by the renewable energy supply: 

the estimated technical potential for each geothermal, ocean, wind, biomass and 

solar energy is greater than the current world energy demand.4 Intensive 

investigations on the utilization of the renewable energy have led to increasing 

electricity generation from renewable energy sources in recent decades.1−3,5,6 

According to the Renewable Energy Policy Network for the 21st century 

(REN21), the renewable power generation capacity reached 1,712 GW in 2014, 

which is approximately twice the capacity in 2004.7 Nevertheless, a portion of the 

                                                           
a
 Part of this chapter was adapted from T. Shinagawa and K. Takanabe, “Photovoltaic-driven 

electrocatalytic water splitting: electrolyte engineering”, submitted. 
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renewable energy supply needs to be substantially more enlarged to achieve a 

sustainable society. For the associated technologies involved in bio, geothermal, 

hydro and wind energy use, the readers are referred to the reference.8 

 

Figure 1.1. Primary energy sources of global electricity generation in 2013 (in 

TWh). CSP stands for concentrating solar power. Original data are available in 

the references.1,3 

1.2. Use and Storage of Renewable Energy: Hydrogen 

The solar energy is regarded as the largest available energy source, 

compared with fossil fuels, uranium, wind and hydro powers.4 The energy of 

sunlight that reaches the earth amounts to 1365.4±1.3 W m−2,9 which 

corresponds to an annually available energy of 3.9×1024 J.10 A simple calculation 

reveals that merely 0.015% of the sunlight or 7.4 × 104 km2 area (with 10% 
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energy conversion efficiency) is sufficient to meet the current world energy 

demand. 

One of the main issues associated with the practical utilization of renewable 

energy sources is the gap between demand and supply.6,11 The intermittent 

generation of electricity from renewable energy sources requires technologies for 

storing and releasing energy for practical large-scale applications. Electricity can 

be stored in the form of chemical energy (hydrogen, metal/ions and hydrides), 

potential energy (hydroelectricity), mechanical energy (flywheel), and electricity 

itself (capacitor), as summarized in Figure  1.2.  

 

Figure 1.2. Energy conversion map for renewable energy sources.  
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Among them, storing energy in chemical and in batteries has been 

vigorously investigated in recent decades majorly due to the potential vehicle 

applications. There are various types of batteries: nickel-cadmium, lithium ion, 

sodium-sulfur, redox flow, and so on.12−14 The energy storage properties of 

representative batteries are summarized in Figure  1.3a.12 Batteries are often 

compared with chemical energy storage, particularly hydrogen-related 

materials.15,16 Hydrogen has attracted tremendous attention in this decade17−20 

as an energy carrier owing to its largest energy density (H2: 120 MJ kg−1 and 

gasoline: 44 MJ kg−1).17,18 When hydrogen is combined with oxygen, the 

chemical energy can be extracted via an electrochemical reaction, which is 

known as a fuel cell.18 Intensive research has been dedicated to material 

development to use hydrogen-related chemicals as energy carriers, such as 

compressed hydrogen gas, liquefied hydrogen, physical sorbent, metal hydride, 

and chemical hydride. However, these materials have not met the target set by 

the U.S. Department of Energy (DOE), as shown in Figure  1.3b, where 

representative system performances are compiled.21,22 Nevertheless, as 

observed in Figure  1.3, both gravimetric and volumetric power density for 

hydrogen storage surpass batteries, which makes hydrogen storage technology 

attractive. For details of hydrogen storage, the reader is referred to previously 

published comprehensive reviews and perspective.17−20,23 In addition to the 

characteristics of hydrogen as an energy carrier, hydrogen is also an industrially 

important raw material for ammonia, synthesis gas, methanol and dimethyl ether 
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synthesis.20,24 Therefore, hydrogen is regarded as a key material in future energy 

systems. 

 

Figure 1.3. (a) Gravimetric and volumetric power densities for various types of 

batteries. Original data are available in the reference.12 (b) Status and target for 

the gravimetric and volumetric densities for hydrogen storage. Original values are 

taken from DOE reports.21,22 

1.3. Water Electrolysis 

Hydrogen can be produced from ubiquitous and abundant water using 

electricity generated from renewable sources. Electrochemical water splitting has 

been intensively studied for more than 200 years.25−30 In 1789, water electrolysis 

was first reported by Paets van Troostwijik and Deiman.30 More than a century 

later, in 1920s−30s, a great number of large-scale electrolysis plants were built in 

Canada, Norway and elsewhere.27 More efficient electrolyzers were developed in 

the middle of the 20th century.26,28 The cost breakdown for electrolyzers is 
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available in the literature.31−33 At the current stage of water electrolysis process 

development, three main objectives have been considered: (1) greater efficiency 

of large-scale water electrolyzers, (2) water electrolysis in conjugation with 

renewable energy sources and (3) integrated photovoltaic (PV) electrolysis.25 In 

the following, the important factors that influence the water electrolysis 

performance are addressed. 

1.3.1. Thermodynamic Requirement 

The system energy efficiency (Eeff) is generally determined by the ratio of 

energy input (Ein) and output (Eout). The water electrolysis is described by the 

following equation: 

2 2 22H O 2H O  . (1.1) 

The Gibbs free energy and enthalpy under the standard conditions for this 

reaction are ∆G0=237 kJ mol−1 and ∆H0=286 kJ mol−1.34 The Gibbs free energy 

change corresponds to 1.23 V, which is called as reversible voltage. When the 

enthalpy rather than Gibbs free energy is considered, a voltage of 1.48 V is 

obtained. The enthalpy based value is regarded as thermoneutral voltage. 

Typically, the efficiency of water electrolysis is considered based on 

thermoneutral voltage, and thus the efficiency Eeff is expressed as in the following 

equation, which corresponds to higher heating value (HHV) efficiency: 

2
out

eff

in

E H
E

E VF


  , (1.2) 
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where V is the applied voltage and F is the Faraday constant.  

1.3.2. Electrode Material 

The water electrolysis is composed of hydrogen evolution reaction (HER) 

and oxygen evolution reaction (OER). The industrialized water electrolyzers use 

extreme pH conditions, e.g., pH ≈ 0 or 6.0−8.0 mol L−1 KOH,25,35 which minimizes 

the ohmic loss in the system. Accordingly, most studies dedicated to the HER 

have been conducted under highly acidic36−43 and 0.1–1.0 mol L−1 alkaline41−46 

electrolyte solutions. There are, in principle, two ways to describe the HER in 

equations depending on the reaction conditions:47 hydronium ion reduction: 

3 2 22H O 2e  H 2H O   , (1.3a) 

and water molecule reduction:  

2 22H O 2e H 2OH   . (1.3b) 

In acidic environments, hydronium ion reduction occurs,47 in which lower pH 

levels (higher hydronium ion activity) are kinetically favored. In alkaline 

electrolytes, hydroxide ion activity of approximately 0.1 mol L−1 maximizes the 

HER performance via water molecule reduction over a Pt electrode.48,49 The 

cause of the performance maxima in alkaline media has not been clarified, but 

some hypotheses have been proposed, including an influence of hydroxide ions 

on the surface-adsorbed H bond strength, a decrease in the solubility of 

hydrogen in strongly alkaline media,48 or simply a decrease in water activity with 

increasing hydroxide ion activity.  
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In both pH scenarios, the reaction intermediate of the HER is H adsorbed 

on the surface (M-H, M represents the surface site). The extent of how strongly 

the intermediate binds to the surface is highly correlated with the reaction 

performance. When the HER performance (mass activity or exchange current 

density) among a variety of materials is summarized with respect to the M-H 

binding energy, a volcano-shaped trend is obtained in both acidic50−52 and 

alkaline52,53 conditions, which is a typical example of Sabatier principle.54,55 Noble 

metals, such as Pt, Pd and Rh, which are scarce and expensive elements, are 

located at the top of the volcano plot.56 A classical approach to develop an active 

electrode with earth-abundant elements on the basis of Sabatier principle is 

mixing the elements of lower and higher intermediate binding energies. A 

successful example is Ni-Cu, which shows greater HER performance than Ni and 

Cu in alkaline conditions.57−61 Another promising material is Ni-Mo;62−65 however, 

there had been issues associated with low dispersion of the active surface. A 

breakthrough study in this context was reported in 2013, in which highly 

dispersed Ni-Mo nanopowders were successfully prepared and utilized.66 These 

non-noble metal based materials are indeed promising candidates under alkaline 

conditions for the HER but readily dissolve in acidic solutions. In 2005, inspired 

by hydrogen-producing enzymes, a density functional theory (DFT) calculation 

predicted that the edge sites of MoS2 are active for the HER, which can be an 

alternative to the Pt group in acidic conditions.67 In 2007, it was experimentally 

confirmed that indeed the edge sites of MoS2 are the active site for the HER, 

which can reach −10 mA cm−2 at an overpotential of 200 mV.68,69 This finding has 
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opened up new classes of electrode material for the HER: transition metal 

sulfides, carbides and nitrides.70−73 

The utilization of the volcano relationship to improve the HER performance 

with cost-effective materials has been successful in many cases; however, it has 

been recently emphasized that there is an inconsistency in the element order in 

the volcano behavior when the current density vs. M-H bond strength is plotted 

for acidic and alkaline solutions.52 At alkaline pH, the water molecule is the 

reactant and proton source.47 Therefore, the HER reaction sequence must 

involve an O-H bond dissociation step of the H2O reactant,52,74 which is kinetically 

sluggish, as easily understood from the thermodynamic expectation to activate 

highly stable water molecules. In contrast, in acidic environments, the proton is 

directly used as a reactant.47 These rationales suggest that not only the 

conventional M-H binding energy but also other factors associated with the 

processes occurring at the interface have to be accurately taken into 

consideration to account for the observed HER performance.75  

In the same manner as the HER, the OER is described by water molecule 

oxidation: 

2 2 36H O  O 4H O 4e   , (1.4a) 

and by hydroxide ion oxidation: 

2 24OH  O 2H O 4e   . (1.4b) 
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In practice, the OER requires greater overpotential to achieve a substantial 

reaction rate than the HER.76 The reaction performance is also correlated with 

the volcano-shaped trend by various specific activity descriptors. The correlation 

between the mass activity for the OER and the enthalpy of the lower to higher 

oxide transition was initially reported in 1984,77 in which IrO2 and RuO2 are at the 

top of the volcano. Contrary to the HER, there are at least four surface states 

involved in the OER: M, M-OH, M-O and M-OOH. In the proton-coupled electron 

transfer (PCET) reaction,78 the OER can be represented by the following 

elementary steps:79 

M OH M-OH e   , (1.5) 

2M-OH OH M-O H O e    , (1.6) 

M-O OH M-OOH e   , (1.7) 

2 2M-OOH OH M O H O e     . (1.8) 

The situation is complicated for the OER because electron transfer (ET) or proton 

transfer (PT) can solely be the rate determining step.80 Recent computational 

study has revealed that scaling relationships exist among the binding energies of 

MO, MOH and MOOH,81−83 which can be represented by the number of outer 

electrons.84 Due to this relation, the volcano-shaped trend is represented when 

the OER performance is plotted against only one M-adsorbate descriptor. 

Similarly, a volcano plot is reported, for example, among the perovskite 
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structured oxides correlated with the eg electron.85 Among the oxides composed 

of earth-abundant materials, nickel-iron (oxy)hydroxide has been recently 

reconfirmed as a promising electrode in alkaline media.86−89 In 2016, two 

electrodes are reported for their outstanding performance: NiCeOx supported Au 

reaches 10 mA cm−2 at an overpotential of 271 mV in 1.0 mol L−1 NaOH,90 and 

Ni-Co-W mixed oxyhydroxide requires an overpotential of only 191 mV to reach 

10 mA cm−2 in 1.0 mol L−1 KOH.91  

In principle, the volcano-shaped relationship suggests that a simple oxide 

composed of earth abundant elements cannot beat the IrO2 and RuO2 in OER 

performance. One strategy to achieve higher performance than the volcano limit 

is the introduction of inhomogeneity in the active site92 because the volcano 

relationship is predicted for the single-site mechanism. One successful example 

of such attempts is noble metal addition to the transition metal oxide.93−99 The 

improvement is suggested to likely result from local active site modification to 

selectively facilitate the rate determining step.93,94  

Improving not only the activity but also the stability is a challenge for OER 

electrodes, particularly in acidic100 and near-neutral pH101 environment. A trade-

off relationship between the activity and stability is reported for the OER in acidic 

environments, even for the most active IrO2 and RuO2.
100 As expected from the 

Pourbaix diagram, the cationic state is thermodynamically more favored for 

metals at lower pH levels, consistent with their dissolution nature into solution. In 

addition to the influences of pH (activity of free H+) on the OER, the supporting 
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ions that coexist in the electrolyte have been reported to have a significant 

impact on performance,102 which needs to be taken into account for improving 

the OER performance. 

1.3.3. Supporting Ions  

For the electrochemical reaction, not only the electrode material but also the 

reaction conditions have critical impacts on the performance. Some studies 

reported the influence of ions on the reaction performance on a micro scale in 

addition to typical adsorption phenomena, which will be reviewed in this section. 

The HER proceeds via water molecule reduction at alkaline pH, where the 

dissociation of the O-H bond in the water molecule (or the Volmer step for water 

molecule reduction) is kinetically sluggish.52,74 When the Pt metal electrode was 

decorated with Ni(OH)2 islands, drastic improvement in the HER performance 

was observed plausibly because the water dissociation was facilitated at the 

interface around the Ni(OH)x islands.74,103 When a small amount of LiOH (1 mmol 

L−1) was added to the electrolyte of 0.1 mol L−1 KOH, the HER performance over 

the Ni(OH)2-Pt electrode was further improved by a factor of approximately two. 

The improvement was ascribed to the presence of a complex, Ni(OH)2-Li+-OH-H, 

which was proposed to enhance the probability of the water dissociation 

(Figure  1.4a).103 For more details on this matter, the readers are referred to the 

recent review published by the group.75 Such improvement of the HER 

performance was also reported over Ir and Ru,104 in the order of coexisting 

supporting cations, K+ < Li+ < Ba2+ in 0.1 mol L−1 KOH electrolyte. Interestingly, 
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also under acidic conditions, the cation was reported to influence the HER 

performance in 0.05 mol L−1 H2SO4 + 0.05 mol L−1 M2SO4, M = Li+ ≈ Na+ > K+ < 

Rb+ ≈ Cs+;105 however, a scientific explanation for the observation has not been 

identified.  

 

Figure 1.4. (a) Schematic representation of water dissociation, formation of M-

Had intermediates, and subsequent recombination of two Had atoms to form H2 

(magenta arrow) and OH− desorption from the Ni(OH)2 domains (red arrows) 

followed by adsorption of another water molecule on the same site (blue arrows). 

Water adsorption requires concerted interaction of O atoms with Ni(OH)2 (broken 

orange spikes) and H atoms with Pt (broken magenta spikes) at the boundary 

between the Ni(OH)2 and Pt domains. The Ni(OH)2-induced stabilization of 

hydrated cations (AC+) (broken dark blue spikes) likely occurs through 
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noncovalent (van der Waals–type) interactions. Hydrated AC+ can further interact 

with water molecules (broken yellow spikes), altering the orientation of water as 

well as the nature and strength of the interaction of the oxide with water. 

Reproduced from reference 103, with permission from AAAS. (b) The proposed 

models for non-covalent interactions and schematic representations of the 

double-layer structure. Reprinted with permission from Macmillan Publishers Ltd: 

Nature Chemistry (reference 107), copyright (2009). 

In addition to the improvement observed in the HER, a decrease in the 

electrocatalytic performance by the introduction of a cation has been reported for 

the hydrogen oxidation reaction (HOR), oxygen reduction reaction (ORR) and 

alcohol oxidation. The mass activity for the HOR and ORR follows the order of 

Ba2+ < Li+ < Na+ < K+ < Cs+.102,106,107 It was speculated that the hydrated clusters 

of M+(H2O)x anchored on the surface OH inhibit the reactant adsorption on the 

surface, which results in the decrease in performance (Figure  1.4b).107  

Significant influences of the ions are also reported for the OER; the OER 

performance in 0.1 mol L−1 simple alkali hydroxide solutions follows the order K+ 

< Na+ < Cs+ over Ba0.5Sr0.5Co0.5Fe0.2O3−δ and IrO2.
102 It has been proposed that, 

similar to the influences of the ion on the HOR, ORR and alcohol oxidation, 

hydrated ion clusters are present on the surface, which modify the reaction 

intermediate species.102 Interestingly, also for the chlorine evolution over Pt/PtOx 

in 3.0 mol L−1 chloride solution at pH 2, the same order of cations influences on 

the performance is reported.108,109 However, when the OER is evaluated in 0.05 
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mol L−1 H2SO4 containing alkali metal sulfate, the performance is minimally 

altered (except for Rb) over Pt (111).105  

As observed above, there are a couple of examples that demonstrate the 

significant influence of the supporting ion that coexists in the electrolyte on the 

reaction performance. Importantly, how these ions affect the overall performance 

depends on the reaction conditions, e.g., the order and extent of ion effects differ 

at different pH, even on the same electrode. Elucidation to quantitatively describe 

the complex ion effect will certainly lead to the development of an efficient 

system for electrochemical energy conversion. 

1.3.4. Other Associated Factors 

In addition to the thermodynamically and kinetically required overvoltage, 

there are several factors that lead to voltage loss in the system performances. 

As currents pass through the circuit, there always exists a voltage loss 

known as the ohmic loss. The conventional large-scale electrolyzer is operated at 

current densities as high as 1−5 kA m−2,25,35 which suffers from huge ohmic 

losses. The ohmic loss in the electrolyte is determined by the electrolyte solution 

resistivity and cell configuration (or, cell constant). In practical water 

electrolyzers, highly acidic and alkaline conditions are selected, not only to 

improve the kinetics but also to reduce the undesired ohmic loss, as described in 

the previous section.25,110  

As the applied voltage increases, a higher electrocatalytic reaction rate is 

expected. However, when the reaction rate becomes comparable with or higher 
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than the mass transport flux of the reactant, the system performance starts 

limited by the mass transport flux. The slow mass transport flux induces the 

concentration gradient, which results in the so-called concentration overvoltage 

losses. In addition, when gas evolves at higher reaction rates, the evolved gas 

can form bubbles on the electrode surface. Such blocking of electrode surface 

alters the cell constant, leading to an increase of solution resistance.111,112 Also, 

the blockage of the surface directly lowers the number of the exposed 

electrocatalytic active sites, which results in smaller reaction rates.  

To summarize, the voltage required for the water electrolysis is majorly 

composed of (1) thermodynamic voltage of 1.23 V, (2) kinetic overpotential, (3) 

concentration overpotential, (4) voltage loss induced by the solution resistance. 

Depending on the system configuration and operation condition, there are other 

significant voltages losses such as the membrane loss and bubble formation. 

Development of a successful water splitting process requires a rational 

optimization of the parameters associated with aforementioned factors. 

1.4. Integrated PV Electrolysis 

As described in the previous section, the recent research effort dedicated to 

the water electrolysis is aimed at the utilization of the electricity generated from 

renewable sources as well as its direct conjugation with PV (PV electrolysis). PV 

electrolysis20,113,114 is further categorized into three: (a) photocatalytic water 

splitting,115−119 (b) photoelectrochemical water splitting120,121 and PV + 
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electrolyzer.25,122,123 For the PV + electrolyzer system, three configurations have 

been reported: (c) the PV wired to both the anode and cathode, (d) one electrode 

placed on the PV, which is connected to the other electrode by wiring, and (e) 

both electrodes placed on the PV. A schematic illustration of these processes is 

presented in Figure  1.5. For detailed techno-economic analyses of these PV 

electrolysis technologies, the readers are referred to recent articles.124−126  

 

Figure 1.5. Schematic illustration of (a) photocatalytic water splitting, (b) 

photoelectrochemical water splitting, and PV + electrolyzer configuration: (c) 

wired, (d) partially wired and (e) wireless. 
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Photocatalytic (Figure  1.5a) and photoelectrochemical (Figure  1.5b) water 

splitting directly utilize semiconductor (photon absorber) surfaces for surface 

redox reactions (hydrogen and oxygen production from water via 

reduction/oxidation reactions). In these cases, light irradiation to a photon 

absorber initiates the overall reaction, in which exciton is generated. After 

separation of the electron-hole pair, the electron and hole can diffuse to the 

interface. Finally, the electron and hole can be transferred into the reduction and 

oxidation reaction sites, where hydrogen and oxygen are evolved, respectively. 

The details of the photonic process are reviewed in previous articles.118,119 In 

contrast, in the PV + electrolyzer configuration, the surface potential, or the Fermi 

level, of the semiconductor does not equilibrate with the potential of the surface 

redox reactions.  

Ultimately, the solar-to-hydrogen (STH) efficiency can be limited by photon 

irradiation. At a given quantum efficiency (Q.E.) of the photon absorber, the 

theoretical limit for the STH efficiency can be readily calculated. Figure  1.6a 

shows the calculated STH efficiency as a function of the bandgap of the photon 

absorber. Notably, the value in the figure is calculated based only on photon 

irradiation; in practice, the value is smaller due to, for example, the recombination 

of the charge carrier and energy loss at the interface.127,128 As shown in the 

figure, the STH efficiency increases with a smaller bandgap. The maximum 

achievable efficiency is 49% with a bandgap of 1.23 V, which is an ideal case, 

where water electrolysis requires no overvoltage.  
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Figure 1.6. (a) Achievable solar-to-hydrogen (STH) efficiency with respect to the 

band gap of the photon absorber. As model cases, quantum efficiencies (Q.E.) of 

20, 40, 60, 80 and 100% are considered. (b) Theoretical photocurrent in series-

connected PVs against the overall voltage. The values were calculated 

considering a Q.E.=100%. 

The photon absorber uses the photoelectric effect when absorbing the 

irradiated photon, which is known as a photovoltaic cell (PV). There are various 

types of PVs, such as Si, GaAs (III–V), and CuInxGa1−xSe2 (I−III−VI2).
129−132 The 

single-junction solar cell, one of the most cost-effective materials, usually 

generates electricity with 10−20% energy conversion efficiency. In a tandem 

structure, where the PVs are effectively connected, usually in the vertical 

direction, energy conversion efficiency as high as 46.0% has been reported over 

GaInP/GaAs;GaInAsP/GaInAs.131 Relatively new classes of PVs include dye-

sensitized,133,134 polymer,135,136 and perovskite solar cells.137−139 For details of the 

semiconductors, the readers are referred to previous review papers.140,141  



42 
 

It should be emphasized that, for the simple PV + electrolyzer configuration 

without any converters, the ideal operating voltage is not the one that maximizes 

the power conversion efficiency but the one that achieves the highest 

photocurrent because the obtained photocurrent solely and directly determines 

the STH efficiency of the system. When the operating voltage of the PVs is 

analyzed,131,132 there is technically no single PV that can operate at a voltage 

greater than 1.23 V with appreciable photocurrent. Thus, it is essential to connect 

the PVs in series or to construct a tandem structure to generate sufficient voltage 

to drive the water electrolysis.142 When the PVs are connected in series, the 

aforementioned theoretical limit is altered. Figure  1.6b summarizes the overall 

photocurrent, which corresponds to the STH efficiency, as a function of the 

overall voltage for series-connected PVs. This figure clearly shows that the single 

PV configuration is preferred below 1.56 V, and 2PV exhibits the best 

performance at 1.56–2.72 V. In the 2PV configuration, the maximum achievable 

photocurrent is 28 mA cm−2 at 1.56 V, which corresponds to an STH efficiency of 

34%. Notably, when the tandem structure is considered, the STH efficiency 

increases because higher photocurrents are achievable at a given surface area 

(larger photocurrent density).  

For photocatalytic and photoelectrochemical hydrogen production, the 

aforementioned limit is not fully applicable due to the additional requirement or 

limit of the photon absorber. In such cases, the Fermi level of the photon 

absorber is equilibrated with the redox potential (HER and/or OER working 

potential) in the liquid phase. In other words, the position of the conduction and 
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valence bands should be suitable to drive the HER and OER, i.e., the conduction 

and valence bands have to be more negative than the HER equilibrium potential 

and more positive then the OER equilibrium potential, respectively, as shown in 

Figure  1.5. Importantly, in such systems, the HER and OER proceed at the same 

reaction rate; thus, fine tuning of the band position is crucial. Otherwise, the 

generated voltage can be lost via thermal relaxation. For more details of these 

systems, the readers are referred to the references.119,120,143 When the PV is 

directly connected to the electrocatalyst (photovoltaic-driven water splitting), the 

surface potential of the photon absorber does not equilibrate with the redox 

reaction potential, which does not require band position tuning. In the following, 

the recent reported studies regarding the PV + electrolyzer configuration are 

briefly overviewed. 

One example of wired PV + electrolysis systems is the use of GaAs as the 

PV connected to a Cr2O3-NiO/Ni cathode and NiFe layered double hydroxide 

(LDH) anode by wiring. The system yielded an STH of 14.9% in 1.0 mol L−1 

KOH.144 Another group reported an STH of 22.4% using GaInP/GaAs/Ge with Ni 

foam in 1.0 mol L−1 NaOH.145 Cost-effective PVs have also been studied for this 

approach. A perovskite solar cell (CH4NH4PbI3), with NiFe LDH used as both the 

anode and cathode, achieved 12.3% STH efficiency in 1.0 mol L−1 NaOH.87 In 

0.5 mol L−1 potassium borate and 0.5 mol L−1 K2SO4 at pH 9.2, with a Ni anode 

and NiMoZn cathode wired to the PV (four series-connected crystalline Si solar 

cells), an STH of 10.2% was reported (schematic illustration of the system is 

displayed in Figure  1.7a).146  



44 
 

Instead of wiring two electrodes to the PV, one electrode can be placed on 

the PV, which is wired to the other electrode. This approach of partial integration 

basically simplifies the device, which contributes to easy handling and cost 

reduction. In one example, Pt was placed on GaInP2/GaAs, which was 

connected to another Pt in 2.0 mol L−1 KOH, yielding an STH efficiency of 23.6% 

(Figure  1.7b).147 In this example, a stainless steel layer was placed between the 

Pt electrode and PV.147 Another example placed IrO2 on a semiconductor 

(GaInP2/GaAs/Ge) connected to Pt by wiring, which was separated by a 

membrane (Nafion). The system yielded an STH efficiency of 6.2% in 1.0 mol L−1 

potassium borate (pH 9).148  

The system can be further integrated (full integration, wireless). Similar to 

the previous case, this integration requires the insertion of a layer between the 

electrode and PV, e.g., an ITO layer or a stainless steel layer. When NiFeOx 

(anode) and CoMo (cathode) were decorated on amorphous silicon in 1.0 mol L−1 

Na2SO4 and KOH at pH 13, an STH efficiency of 2.8% was obtained.149 In 

another case, a Co anode and NiMoZn cathode were placed on a triple-junction 

amorphous silicon solar cell in a wireless configuration, which produced a 2.5% 

STH efficiency in 0.5 mol L−1 potassium borate and 1.5 mol L−1 KNO3.
150 

AlGaAs/Si connected with Pt (cathode) and RuO2 (anode) in 1.0 mol L−1 HClO4 

yielded an STH efficiency of 18.3%.151 Three series-connected CIGS with Pt in 

3.0 mol L−1 H2SO4 was reported to exhibit an STH efficiency of 10%.152 

GaAs/InGaP with a TiO2 protection layer sandwiched with a NiMo cathode and Ni 
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anode in 1.0 mol L−1 KOH achieved an STH efficiency of 8.6%. Figure  1.7c 

illustrates the device.153 More records are summarized in a previous review.154 

 

Figure 1.7. Schematic illustration of PV + electrolyzer with the (a) wired 

configuration, reproduced from reference 146, (b) partially integrated 

configuration, reproduced from reference 147, Copyright (2001), with permission 

from Elsevier, and (c) fully integrated configuration, reproduced from reference 

153 with permission from The Royal Society of Chemistry. 

It should be noted that, although system integration is a promising approach 

to reduce the size and cost of the system, a huge concentration overpotential (pH 

gradient) is predicted, particularly when the wireless configuration is used at 

near-neutral pH, as observed in Figure  1.8a.155 For the wired configurations, 

“circulation of electrolyte” is demonstrated to prevent the concentration 

overpotential increment during operation (Figure  1.8b).148 Further application of 

fluid mechanistic force has shown promise for the “membrane-less” 
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configuration, in which gas separation is achieved by electrolyte flow. Figure  1.8c 

shows a schematic illustration of the circulation system.156  

 

Figure 1.8. (a) Cross-sectional pH profiles in the membrane-free device from the 

COMSOL Multiphysics simulation, reproduced from reference 155 with 

permission from The Royal Society of Chemistry. (b) A general scheme of a PV + 

electrolyzer device operated in near-neutral supporting electrolyte with 

recirculating streams, reproduced from reference 148 with permission from The 

Royal Society of Chemistry. (c) Schematic diagram of membrane-less 

electrolysis: two parallel plates are coated with hydrogen and oxygen evolution 

catalysts and are separated by less than a few hundred micrometers. The 



47 
 

electrolyte flows between the catalyst plates and the evolved gasses move close 

to the corresponding catalyst surface due to the Segré-Silberberg effect. 

Reproduced from reference 156 with permission from The Royal Society of 

Chemistry. (d1) Schematic illustration and (d2) photo of the integrated monolithic 

configuration, reproduced from reference 152 with permission from The Royal 

Society of Chemistry. 

Another issue associated with the integrated system is the lack of flexibility 

in the optimization. When fully integrated, the surface area of the electrode is 

usually smaller than the PV in a tandem structure. This is problematic, 

particularly under near-neutral pH conditions, in which the electrode material is 

generally insufficiently active and a huge surface area is required in a 

conventional manner. One attempt to avoid these limits is the monolithic 

configuration, in which electrodes are vertically attached to the PV. Figure  1.8d 

illustrates this architecture.152 In contrast, in the wired system, the surface area of 

the electrodes is readily increased.145  

It should be noted that the practical operation temperature for the solar-

driven water splitting system cannot be room temperature, and it can increase to 

70 °C during the operation.157 This alteration in the temperature has a significant 

impact on the system performance (both PV and electrocatalysis).158,159 

Furthermore, gas separation has to be taken into consideration in the membrane-

less configuration; otherwise, the loss by the membrane must be 

considered.156,160  
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To summarize, PV electrolysis is composed of various factors: electrode, 

ion, membrane, photon absorber, cell configuration and so on. As such, a variety 

of parameters need to be considered. Therefore, a comprehensive study, i.e., 

rational elucidation and optimization of the whole system including both water 

electrolysis and photon absorption, is essential for the establishment of efficient 

PV + electrolyzer systems. 

1.5. Scope of the Dissertation 

Water electrolysis with electricity generated from renewable energy sources 

is an attractive concept, and will certainly play a crucial role in the future 

sustainable energy system as has been described. However, when the 

electrochemical water splitting process is considered in line with renewable 

energy source utilization, factors other than the electrochemical reaction 

performance have to be considered. In the localized energy system proposed as 

a future energy management style,161,162 the safety concerns might be overcome 

in milder conditions, which also contribute to the reduction of the capital cost. In 

addition, in solar fuel production technologies, the performance and stability of 

the photon absorber and the overall system performance have to be optimized, 

which is achieved in less harsh conditions in many cases. Therefore, at the 

current stage, understanding and improving the water electrolysis performance in 

milder conditions, e.g., near-neutral pH, are of great importance for the 

construction of a future sustainable society. 
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Figure 1.9. Illustration of scope of the dissertation. 

Herein, this dissertation addresses the fundamental yet crucial aspects: 

impacts of electrolyte on the electrochemical water splitting and resultant 

catalysis, with a particular focus placed on the mild conditions. Associated 

parameters, namely, identity and molarity of ion, are comprehensively 

investigated. The investigated reactions are mainly the forward reactions of water 

splitting: the HER and OER. Also, its backward reactions are studied; during 

water splitting process, the evolved hydrogen and oxygen can be oxidized and 
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reduced back, respectively (HOR: hydrogen oxidation reaction, and ORR: 

oxygen reduction reaction), which lowers overall system efficiency. The scope of 

the dissertation is summarized in Figure  1.9. 

Chapter  2 addresses a theoretical aspect of H2/O2 aqueous 

electrochemistry based on microkinetic analyses for all the reactions of the HER, 

HOR, ORR and OER. The disclosed theoretical kinetics description is 

accordingly referred in other chapters. 

The impact of pH mainly on the HER is examined first in Chapters  3 and  4. 

Chapter  3 clearly indicates that the pH induces switching of the reactant and the 

reaction mechanism: at near-neutral pH, the water molecule rather than 

hydronium ion has to be reduced to achieve substantial reaction rates (e.g., ≈10 

mA cm−2 corresponding to ca. 10% STH efficiency) due to insufficient hydronium 

ion activities, which is kinetically limited by water dissociation step and is more 

sluggish than hydronium ion reduction. The indication is confirmed in Chapter  4 

by additional experimental/theoretical evidences, showing validity and 

universality of the rationale regarding the influences of pH on the electrochemical 

reactions.  

Hereafter, the near-neutral pH conditions are focused, where two strategies 

can be considered towards improving the HER: (1) facilitating water molecule 

dissociation by a rationale catalyst design, which is demonstrated in Chapter  4, 

and (2) supplying more proton sources to the active site by utilizing the buffered 

solution, which is compiled in Chapter  5. Indeed, drastic improvements in the 
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hydrogen production are observed in both cases. With respect to the latter, 

however, mass transport of the buffered species (proton carrier) is revealed to be 

problematic under buffered near-neutral conditions. Two important parameters 

are emphasized in describing the mass transport flux: (a) the diffusion coefficient 

and (b) the mean activity coefficient, which majorly govern the observed 

hydrogen production performance under such conditions. 

Chapter  6 deals with densely buffered solution as in Chapter  5 but focuses 

on the ORR and HOR. Similarly, three parameters are disclosed as critical: (A) 

the diffusion coefficient of gasses, (B) the kinematic viscosity and (C) the 

solubility of gases. A simulation with these separately measured/calculated 

properties agrees well with the experimental observation, revealing a significance 

of electrolyte properties.  

In Chapter  7, the study on the HER and ORR is further deepened based on 

the finding described in Chapters  5 and  6 towards efficient hydrogen production 

with crossover regulation under buffered near-neutral pH conditions. The concept 

of electrolyte engineering, i.e., tuning electrolyte identity and molarity, is detailed, 

by which mass transport flux of the “proton carrier” is enhanced while slowing 

down that of oxygen.  

Electrocatalytic kinetics for the HER under the buffered near-neutral pH 

condition is discussed in detail in Chapter  8. By effectively enhancing the mass 

transport flux of the buffered species, the kinetic component of the HER is 

successfully isolated. Potential- and temperature-sensitivity analysis discloses 
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the enthalpy-entropy compensation under the condition, which is a critical finding 

for the rational development of active electrodes. 

The OER is discussed in Chapter  9. Nickel-iron oxide and noble metal 

added cobalt oxide are used as model electrodes, and their performance towards 

the OER is discussed. Their properties are addressed in alkaline conditions, and 

then their catalysis for the OER is also examined at near-neutral pH.  

The solution resistance, composed of solution resistivity and cell constant 

(cell configuration), is also comprehensively examined. The solution resistivity of 

various electrolytes at a variety of concentration is compiled in Chapter  7, and 

the cell constant in various configurations is summarized in Chapter  10.  

Finally in Chapter  10, overall water splitting in the mild condition is 

investigated on the basis of knowledge obtained in all the other chapters. The 

electrochemical study discloses that electrolyte engineering realizes a drastic 

enhancement in the performance. Also, PV electrolysis, particularly integrated 

PV + electrolyzer configuration, is examined, which successfully demonstrates 

solar-driven overall water splitting with cost-effective and earth-abundant 

elements. 
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2. Microkinetic Analyses on the H2/O2 Aqueous Electrochemistryb 

Microkinetic analyses of aqueous electrochemistry involving gaseous H2 or 

O2, i.e., the hydrogen evolution reaction (HER), hydrogen oxidation reaction 

(HOR), oxygen reduction reaction (ORR) and oxygen evolution reaction (OER), 

are revisited. The Tafel slopes used to evaluate the rate determining steps 

generally assume extreme coverage of the adsorbed species (θ ≈ 0 or ≈ 1), 

although, in practice, the slopes are coverage-dependent. Herein, detailed kinetic 

analyses is conducted, describing the coverage-dependent Tafel slopes for the 

aforementioned reactions. My careful analyses provide a general benchmark for 

experimentally observed Tafel slopes that can be assigned to specific rate 

determining steps. The Tafel analysis is a powerful tool for discussing the rate 

determining steps involved in electrocatalysis, but this study also demonstrated 

that overly simplified assumptions led to an inaccurate description of the surface 

electrocatalysis. Additionally, in many studies, Tafel analyses have been 

performed in conjunction with the Butler-Volmer equation, where its applicability 

regarding only electron transfer kinetics is often overlooked. Based on the 

derived kinetic description of the HER/HOR as an example, the limitation of 

Butler-Volmer expression in electrocatalysis is also discussed in this chapter. 

                                                           
b
 This chapter was adapted from T. Shinagawa, A. T. Garcia-Esparza and K. Takanabe, Sci. Rep., 2015, DOI: 

10.1038/srep13801. 
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2.1. Introduction  

Electrocatalysis has attracted tremendous attention worldwide as a 

sustainable and efficient energy system. Promising applications of 

electrocatalysis for energy conversion are electrolysis and fuel cells. Water can 

be electrocatalytically broken down to hydrogen (hydrogen evolution reaction, 

HER)1−10 and oxygen (oxygen evolution reaction, OER),10−19 which make up the 

well-known electrolysis process. Combining hydrogen and oxygen provides high 

efficiency electricity production by which chemical energy can be directly 

converted into electricity. Fuel cells use this process, in which hydrogen is 

oxidized (hydrogen oxidation reaction, HOR)20−25 and oxygen is reduced (oxygen 

reduction reaction, ORR).26−37 Both technologies play a crucial role in the future 

of sustainable societies, and thus huge research efforts have been dedicated to 

improving the electrocatalytic activity of these reactions—HER, HOR, ORR and 

OER.  

In the field of electrochemistry,38 the electric currents are experimentally 

measured by applying a potential to electrodes. The electric currents are 

proportional to the reaction rate over the electrodes. The electrocatalytic reaction 

rate is potential-dependent, indicating that the rate constant is also potential-

dependent. Electrocatalytic reactions are generally composed of a number of 

elementary steps, and the forward and backward reaction rates of each 

electrochemical elementary step are potential-dependent. The potential-

dependent nature of the electrocatalytic reaction rate is associated with the 
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potential-dependent coverage of the intermediate species (θ), which is related to 

their formation and consumption rates.  

To compare the electrocatalytic activity and to elucidate the reaction 

mechanism of electrocatalysts, a Tafel analysis is generally used. In this method, 

the sensitivity of the electric current response to the applied potential (Tafel 

slope) is analyzed, which provides information associated with the rate 

determining steps. The experimentally observed Tafel slopes can be compared 

with the theoretically derived slopes assuming different rate-determining steps 

based on the microkinetic model. Because its derivation process is generally 

complicated, the surface coverage of the intermediate species is typically 

assumed as constant: either θ ≈ 0 or θ ≈ 1. This simplification makes it easier for 

the electrochemist to consider the surface kinetics, and, in many studies, Tafel 

slopes derived by this method are used.39−41 As previously stated, the coverage 

should actually vary with the applied potential: the simplification leads to an 

incomplete description of the actual surface kinetics that depends on the 

coverage. Furthermore, this assumption of invariable coverage may be 

applicable for steady-state conditions at constant potential and current 

conditions; nevertheless, for the Tafel analysis the applicability of such 

assumption intrinsically involves questionable accuracy. In some studies, a 

potential-dependent change in the Tafel slope is considered for each reaction 

(see ref 8, 42 and 43 for the HER, 21 for the HOR, 44 and 45 for the ORR and 46 

for the OER), although in these cases, the potential and coverage were either 

described in insufficient detail or the Tafel slopes were conjugated according to 
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the Butler-Volmer equation, which does not fully account for the coverage 

terms.5,9,31,47−51  

This chapter addresses the theoretical description of the kinetics of these 

fundamental reactions (HER, HOR, ORR and OER) simply based on microkinetic 

analyses. The aims in this chapter were (1) to describe the dependence of the 

Tafel slope on the coverage of the formed surface species, e.g., M-H for the 

HER/HOR, M-OH, M-O, M-OOH and M-OO− for the ORR/OER, where M is the 

surface site, and (2) to address the applicability of the Butler-Volmer equation in 

describing electrocatalytic kinetics. The visualization of the electrocatalytic 

kinetics, i.e., the Tafel slope dependence on coverage, provides the fundamental 

understanding of the potential-dependent shift in the Tafel slopes associated with 

the reaction mechanism changes relevant to water electrolysis and fuel cells. 

2.2. Results and Discussion 

Conventionally, the Tafel analysis leads to two important physical 

parameters: the Tafel slope and the exchange current density. Empirically, the 

following Tafel relation has been well confirmed: 

 loga b j   , (2.1) 

where η defines the overpotential, which is the difference between the electrode 

and equilibrium potentials (η = E – Eeq), j denotes the current density, and b is 
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the Tafel slope. Theoretically, simple electrochemical redox reactions can be 

described by the Butler-Volmer equation:52 

    0 exp exp 1j j f f         , (2.2) 

where α is the electron transfer coefficient, f denotes F/RT (F: the Faraday’s 

constant, R: the universal gas constant, T: the absolute temperature), and j0 is 

the exchange current density. The equation represents the total currents from 

both reduction and oxidation reactions (opposite signs). First, only forward (or 

backward) rates are considered that are sufficiently larger than the corresponding 

backward (or forward) reaction rate. From the above equations, the following 

equation can be derived: 

   0ln ln
RT RT

j j
F F


 

  . (2.3) 

The first term on the right side in Equation 2.3 corresponds to a in Equation 2.1, 

indicating that the intercept obtained from the plot of η vs. log(j) can be converted 

into the exchange current density j0. The Tafel slope provides insight into the 

reaction mechanism, and the exchange current density is known as a descriptor 

of the catalytic activity.1,53,54 Thus, for analyzing electrochemical performances, 

the Tafel analysis is conjugated with the Butler-Volmer equation in many studies. 

As described in the Introduction, the Tafel slope can be used to address the 

elementary steps and the rate determining steps. In the following four sections, 

the Tafel slope is discussed based purely on theoretical microkinetic analyses for 

the hydrogen evolution reaction (HER), the hydrogen oxidation reaction (HOR), 
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the oxygen reduction reaction (ORR) and the oxygen evolution reaction (OER). 

Then, the fifth section discusses the rate determining steps of the opposite 

directions in an oxidation-reduction couple, e.g., HOR and HER. Due to the 

different rate-determining steps for the respective reactions, a good HOR or OER 

catalyst may not be a good HER or ORR catalyst, respectively. Therefore, the 

Butler-Volmer equation is limited to describing chemically reversible 

electrocatalytic reactions.  

The constants include Faraday’s constant, F = 96500 C mol−1, the gas 

constant, R = 8.314 J mol−1 K−1, temperature T, the electron transfer coefficient, 

α = 0.5, and the surface area of the electrode, A.  

2.2.1. Hydrogen Evolution Reaction (HER) 

The HER is generally described in two ways. The first is hydronium ion 

reduction: 

3 2 2
2H O 2e H 2H O   , (2.4) 

and the other is water reduction: 

2 2
2H O 2e H 2OH   . (2.5) 

A theoretical kinetic description for each reaction is discussed in the following 

sections.  

Hydronium Ion Reduction 
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Hydronium ion reduction consists of three steps: the Volmer, Heyrovsky and 

Tafel steps, as follows:5−8,42,55,56 

(Volmer) 
3 2

H O e M M-H H O    , (2.6) 

(Heyrovsky) 
3 2 2

M-H H O e H H O M     , (2.7) 

(Tafel) 
2

2M-H H 2M , (2.8) 

where M denotes the surface empty site. Each step can determine the overall 

rate, and therefore, three different kinetic expressions are developed in this 

section. 

 When the Volmer step determines the rate, the other steps should not be 

considered. The forward reaction rate in Equation 2.6: 

 
3

6 6 H O
1r k a   , (2.9) 

determines the HER rates. Here, ri and ki are the reaction rate and rate constant 

for Equation 2.i, and 
3H O

a   and θ denote the hydronium ion activities and the 

surface coverage by the hydrogen atom, respectively. Because this step is an 

electron transfer step, the kinetic rate constant depends on the applied potential, 

as follows: 

 0 exp
i i i i

k k f    or   0 exp 1
i i i i

k k f 
 
  , (2.10) 

where k0 defines the standard rate constant for k, α is the electron transfer 

coefficient, f denotes F/RT, and ηi defines the electrode and equilibrium potential 
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differences (overpotential, E – Eeq) for Equation 2.i. The assumption that the 

Volmer step completely determines the overall rate leads to faster consumption 

of adsorbed hydrogen, indicating that the surface coverage should be close to 0. 

Therefore, using Equations 2.9 and 2.10, the reaction rate can be described by 

the following equation: 

 
3

0

6 6 6 6H O
expr k a f   . (2.11) 

An electric current is correlated with the reaction rate according to the following 

equation: 

I nFAr , (2.12) 

where I is the electric current, n is the number of electrons involved, and A 

denotes the surface area of the electrocatalyst. Equations 2.11 and 2.12 lead to 

the following expression for the electric current: 

 
3

0

6 6 6H O
expI nFAk a f   . (2.13) 

When the Heyrovsky step is the rate determining step, the adsorbed 

hydrogen, the reactant for the Heyrovsky step, should be taken into consideration 

in this case. The forward and reverse reactions of Equation 2.6 are pre-

equilibrated in this case. The reverse reaction rate given by 

26 6 H Or k a 
 
 , (2.14) 
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is the same as the forward reaction rate (Equation 2.9), resulting in the following 

coverage description: 

 
3

2 3

0

6 H O

0

H O 6 6 H O
exp

K a

a f K a











, (2.15) 

where Ki defines the ratio ki/k−i. The forward reaction rate for Equation 2.7 is 

calculated by the following equation: 

3
7 7 H O

r k a  . (2.16) 

Combining Equations 2.10, 2.12, 2.15 and 2.16, the following electric current 

description is obtained: 

 

 
3

2 3

0 0 2

7 6 7 7H O

0

H O 6 6 H O

exp

exp

k K a f
I nFA

a f K a

 











. (2.17) 

In the case of the Tafel step determining the overall rate, the reactant for 

this step is provided by Equation 2.6, indicating that Equation 2.15 is also valid in 

this case. The forward reaction in Equation 2.8 determines the overall rate, 

0 2

8 8
r k  , (2.18) 

resulting in the following electric current description. 

 
3

2 3

2
0

6 H O0

8 0

H O 6 6 H O
exp

K a
I nFAk

a f K a





 
 

  

. (2.19) 
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Notably, the Tafel step is not an electron transfer, so the potential dependence of 

the currents originates from that of the coverage. 

Water Molecule Reduction 

Like hydronium ion reduction, water molecule reduction is described by the 

following three steps: 

(Volmer) 
2

H O e M M-H OH    , (2.20) 

(Heyrovsky) 
2 2

M-H H O e H OH M     , (2.21) 

and Equation 2.8 for the Tafel step. In the following section, three cases involving 

these steps determining the rate are considered. 

When the Volmer step is rate determining step, the forward reaction rate for 

Equation 2.20, 

 
220 20 H O

1r k a   , (2.22) 

corresponds to the overall rate. As discussed in the section for hydronium ion 

reduction, the surface coverage can be close to zero. Therefore, combining 

Equations 2.10, 2.12 and 2.22 yields the following current expression: 

 
2

0

20 H O 20 20
expI nFAk a f   . (2.23) 

In the case of the Heyrovsky step determining the rate, the Volmer step can 

be pre-equilibrated, so the reverse reaction rate for Equation 2.20, 
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20 20 OH
r k a  

 , (2.24) 

is the same as Equation 2.22, resulting in the following coverage description: 

 
2

2

0

20 H O

0

20 20 H OOH
exp

K a

a f K a







. (2.25) 

The forward reaction rate in the Heyrovsky step is given as follows: 

221 21 H Or k a  .  (2.26) 

Equations 2.10, 2.12, 2.25 and 2.26 lead to the following description of the 

electric currents. 

 

 
2

2

0 0 2

21 20 H O 21 21

0

20 20 H OOH

exp

exp

k K a f
I nFA

a f K a

 







. (2.27) 

When the Tafel step determines the rate, as in the previous case, the 

Volmer step is pre-equilibrated, and therefore Equation 2.25 is valid. Because the 

forward reaction rate in Equation 2.8 is given by Equation 2.18, the electric 

current is described as follows: 

 
2

2

2
0

20 H O0

8 0

20 20 H OOH
exp

K a
I nFAk

a f K a

 
  

  

. (2.28) 

Simulated Tafel Relation for the HER 

Based on these expressions, a simulation of the Tafel relations can be attempted 

by arbitrarily and numerically inputting the rate constants. Tafel plots for the case 
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of pH2 = 1, k3/k4/k5/k17/k18 = 104/1/107/1/1 and 
2 3

H O H O OH
/ /a a a   = 1/1/1 are shown 

in Figure  2.1a, b, c for Equation 2.13 (or 2.23), Equation 2.17 (or 2.27) and 

Equation 2.19 (or 2.28), respectively. 

 

 

Figure 2.1. Simulated behavior of the Tafel relation for the hydrogen evolution 

reaction assuming (a) Equation 2.13 (or 2.23), (b) Equation 2.17 (or 2.27) and (c) 

Equation 2.19 (or 2.28) as the rate-determining step. 

The objective of this study was to elucidate the Tafel slope dependence on the 

coverage, where the hydronium ion reduction and the water reduction cannot be 
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differentiated from one another. As widely accepted, Tafel slopes of 120, 40 and 

30 mV dec−1 were observed for the Volmer, Heyrovsky and Tafel determining 

rate steps, respectively, confirming the validity of the kinetic model in this study. 

Additionally, for the Heyrovsky rate determining step, a Tafel slope of 120 mV 

dec−1 was observed in the higher coverage region (θH > 0.6). Therefore, a Tafel 

slope of 120 mV dec−1 cannot be due only to the Volmer step; it must originate 

from either the Volmer rate determining step or the Heyrovsky rate determining 

step with high adsorbed hydrogen atom coverage.  

Literature reports various Tafel slopes. Pt electrocatalysts supported on 

carbon (Pt/C), one of the most studied catalysts, exhibits a Tafel slope of 30 mV 

dec−1 in 0.5 mol L−1 H2SO4,
41,57,58 120 mV dec−1 under polymer electrolyte 

membrane fuel cell (PEMFC) conditions9 and 125 mV dec−1 in 0.5 mol L−1 NaOH 

solution.8 Although this difference could be assigned to the difference in the pH 

levels of the solutions, in the reported study, the potential region used to obtain 

the Tafel slope was different: 30 mV dec−1 is taken at the lower overpotential 

range, whereas a wider overpotential range is considered for 120 mV dec−1. This 

indicates that the Tafel slope is indeed potential dependent and, in turn, 

coverage dependent. In other reports that focused on Pt electrocatalysts, the 

Tafel slope of bulk Pt disk electrodes is reported to exhibit potential dependence: 

36−68 mV dec−1 followed by 125 mV dec−1 with an increasing overpotential in a 

0.5 mol L−1 H2SO4 electrolyte solution.8 The electrocatalytic activity of Pt toward 

the HER is known as structure sensitive, as different facets shows various 

activities and rate determining steps.59,60 The Tafel slope for Pt(110) is two-step, 
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starting from 55 mV dec−1 shifting to 150 mV dec−1, Pt(110) exhibits a slope of 75 

mV dec−1 that shifts to 140 mV dec−1, and Pt(111) is reported to exhibit a Tafel 

slope of 140−150 mV with no transition in a 0.1 mol L−1 KOH solution.59 These 

examples demonstrate the significance in considering potential-dependent Tafel 

slopes. 

Other electrocatalysts in addition to Pt have also been reported to exhibit 

different Tafel slopes. Ir/C, Pd/C and Rh/C show slopes of 124±5, 127±8 and 

95±3 mV dec−1, respectively, considering a wide range of overpotentials under 

PEMFC conditions.9 Bare Ni, Mo, MoNi, MoNi2, MoNi3 and MoNi4 alloy exhibit 

Tafel slopes of 121−142,42,43 126, 132, 142, 148 and 138 mV dec−1 in 1.0 mol L−1 

NaOH solution, respectively.43 Ni-Mo-Cd multi-metal electrodes present a two-

step Tafel slope of 30−38 mV dec−1 that shifts to 125 mV dec−1,42 and Pt-Ce 

electrodes exhibit a Tafel slope of 114 mV dec−1 in 1.0 mol L−1 NaOH.61 Carbon 

is generally used as a catalyst support, which also becomes active toward the 

HER by introducing foreign atoms: graphite, P-graphene, N-graphene and N,P-

graphene are reported to exhibit Tafel slopes of 206, 133, 116 and 91 mV dec−1 

in 0.5 mol L−1 H2SO4 and 208, 159, 143 and 145 mV dec−1, respectively, in 0.1 

mol L−1 KOH.62 When Pt-Pd supported on reduced graphene oxide is used, the 

Tafel slope is 10−25 mV dec−1 at an overpotential <40 mV,63 which is lower than 

the afore-derived Tafel slopes. However, as shown in Figure  2.1, even the 

theoretical Tafel slopes at smaller overpotentials do not reach the well-known 

values of 30, 40 and 120 mV dec−1 in every case when α ≈ 0.5. Therefore, if a 

too small overpotential region is considered, the Tafel analysis leads to a 
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misrepresentation of the rate-determining step and furthermore poorly compares 

to other reported values.  

In addition to pure metal and bimetallic electrocatalysts, sulfide,41,64,65 

phosphide57,58,66,67 and nitride68 have also been studied. MoS2 exhibits 94−110 

mV dec−1 in 0.5 mol L−1 H2SO4 electrolyte solution41,64 and 55−60 mV dec−1 in 

H2SO4 at pH 0.24.65 These values decrease to 41 mV dec−1 when reduced on 

graphene oxide41 or to 43 mV dec−1 due to treatment with n-BuLi.64 In 0.5 mol L−1 

H2SO4 solution, CoP57 and NiP58 exhibit slopes of 50 and 75 mV dec−1, 

respectively. Under other conditions, Ni2P in 1.0 mol L−1 H2SO4 exhibits a Tafel 

slope of 60 that steps to 136 mV dec−1,67 which suggests that for phosphide, the 

Tafel slope is also potential-dependent. The Tafel plots for MoP and MoP|S (MoP 

with a phosphosulfide surface) exhibit slopes of 50 mV dec−1 that increases with 

potential in 0.5 mol L−1 H2SO4.
66 Even for the nitride, the Tafel slope increases 

with the overpotential for use of δ-MoN and Co0.6Mo1.4N2 in 0.1 mol L−1 HClO4.
68 

These studies support the importance of evaluating in detail the theoretical Tafel 

slope as potential-dependent. 

2.2.2. Hydrogen Oxidation Reaction (HOR) 

The HOR can be described in two ways, 

2 2 3
H 2H O 2H O 2e   , (2.4’) 

2 2
H 2OH 2H O 2e   , (2.5’) 
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which are the reverse expressions of the HER. Hydrogen can be oxidized either 

by a water molecule or a hydroxide ion. In this section, the HOR is described in 

both cases. 

HOR with Water Molecule 

The HOR with a water molecule is the reverse reaction of hydronium ion 

reduction, and the elementary steps are described using the same equations as 

Equations 2.6−2.8: 

(Heyrovsky) 
2 2 3

H H O M M-H H O e     , (2.7’) 

(Tafel) 2
H 2M 2M-H , (2.8’)  

(Volmer) 
2 3

M-H H O H O e M    . (2.6’) 

Each case determining the overall reaction rate is discussed in the following. 

When the Heyrovsky step determines the rate, the adsorbed hydrogen is 

consumed via the Volmer step. In addition, it is assumed that the Tafel step does 

not occur or is slow and therefore negligible. The forward reaction rate in 

Equation 2.7’ is described by the following equation: 

 
2 27 7 H O H

1r k a p 
 
  . (2.29) 

The subscript has a negative value to show same applicability as the HER. 

Assuming that the Heyrovsky step determines the overall rate, the consumption 

of adsorbed hydrogen is faster than its formation, and the surface coverage is 
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close to zero. Combining Equation 2.29 with Equations 2.10 and 2.12 yields the 

following expression for current: 

 
2 2

0

7 H O H 7 7
exp 1I nFAk a p f 


    . (2.30) 

When the Tafel step is the rate determining step, similar to the previous 

case, it is assumed that the Heyrovsky step is slow and that the coverage is 

close to zero. Thus, the rate expression for the Tafel step, 

 
2

20

8 8 H 1r k p 
 
  , (2.31) 

yields the following electric current: 

2

0

8 H
I nFAk p


 . (2.32) 

In this case of the Volmer step determining the rate, the reactant is provided 

by two reactions: the Heyrovsky step and the Tafel step. The two types of 

adsorbed hydrogen atoms, as those formed via the Heyrovsky step (θ1) and 

those formed via the Tafel step (θ2), are separately addressed in the following. 

The coverage of θ1 is given by considering the pre-equilibrium of Equation 2.7’. 

The reverse reaction rate is described by Equation 2.16, which is equilibrated 

with Equation 2.29 to yield the following coverage expression: 

 
2 2

2 2 3

H O H

1 0

H O H 7 7H O
exp

a p

a p K a f





 

. (2.33) 
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Notably, Ki defines the ratio of ki/k−i (not k−i/ki) to be consistent with the HER 

section. The other coverage expression θ2 can be obtained by considering the 

equilibrium of Equations 2.18 and 2.31, as follows: 

2

2

H

2 0

H 8

p

p K
 


. (2.34) 

The parameter εi (0<ε≤1, ∑(εiθi)≤1) is introduced to describe the difference in the 

practical reactivity of adsorbed hydrogen. If the ratio of ε1/ε2 is unity, there is no 

difference between the two types of adsorbed hydrogen atoms. The conditions ε1 

<< ε2 and ε2 << ε1 correspond to the Tafel-Volmer and Heyrovsky-Volmer steps, 

respectively. The forward reaction rate in Equation 2.6’ is described by Equation 

2.11, and, by combining Equations 2.10, 2.12, 2.14, 2.33 and 2.34, the following 

electric current expression is obtained, 

  

 

2

22 2

2 2 3 2

0

6 H O 6 6

HH O H

1 20 0
H O H 7 7H O H 8

exp 1

exp

I nFAk a f

pa p

a p K a f p K

 

 



 

 
 

  
    

. (2.35) 

HOR with hydroxide ion 

The elementary steps are given by the following equations: 

(Heyrovsky) 2 2
H OH M M-H H O e     , (2.21’) 

(Tafel) 2
H 2M 2M-H , (2.8’)  
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(Volmer) 
2

M-H OH H O e M    . (2.20’) 

When the Heyrovsky step is rate determining, the surface coverage is close 

to zero, and the Volmer step is negligibly slow. The forward reaction rate for 

Equation 2.21’ is described by the following equation: 

 
221 21 HOH

1r k a p  
  . (2.36) 

The assumptions made here and in Equations 2.10, 2.12 and 2.36 give the 

following current expression: 

 
2

0

21 H 21 21OH
exp 1I nFAk a p f 

    . (2.37) 

In the case of the Tafel step determining the rate, the Volmer step 

description for the HOR with hydroxide ion is equivalent to that for the HOR with 

water. Therefore, Equation 2.33 also gives the electric current for this case. 

When the Volmer step is the rate determining step, similar to the previous 

cases for the HOR with water molecule, two types of adsorbed hydrogen atoms 

are separately addressed in the following. The hydrogen adsorbed via the 

Volmer step is described by Equation 2.33. The other coverage can be 

expressed by considering the pre-equilibrium phase of Equation 2.21’. The 

reverse reaction rate is given by Equation 2.26, which is equilibrated with the 

forward reaction rate of Equation 2.36. Thus, the following coverage expression, 

θ3, for adsorbed hydrogen via Equation 2.18 is obtained: 



82 
 

 
2

2 2

HOH
3 0

H 21 H O 21OH
exp

a p

a p K a f









 

. (2.38) 

Using εi, the electric current for this case is described by the following equation: 

 

 

2

22

2 2
2

0

20 H O 20 20

HHOH
3 20 0

H 21 H O 21OH H 8

exp 1

exp

I nFAk a f

pa p

a p K a f p K

 

 







   

 
  

  
 

. (2.39) 

Simulated Tafel Relation for the HOR 

Based on these expressions, Tafel relations are simulated using 

k3/k4/k5/k17/k18 = 1/1/1/1/1 and +
2 3

H O H O
/a a  = 10/1 or 

2H O OH
/a a   = 10/1 in 

Figure  2.2. Notably, Equation 2.32 (reaction rate is completely determined by the 

Tafel step) yields a constant current independent of the potential. In Figure  2.2a, 

both Equations 2.30 and 2.37 can be depicted with a simulated Tafel slope of 

120 mV dec−1 (Heyrovsky step determining the rate). Similarly, for Equations 

2.35 and 2.39, the simulated current can be described as shown in Figure  2.2a 

for specific cases (K7 < 1015 for Equation 2.35, K21 < 10−15 and pH 13 for 

Equation 2.39). In other cases, for Equations 2.35 and 2.39, the simulation 

shows a two-step Tafel slope, as shown in Figure  2.2b. The Tafel slope is 40 mV 

dec−1 with a surface coverage approaching zero (θH < 0.4), and 120 mV dec−1 is 

obtained with a high surface coverage (θH > 0.6). For the Tafel-Volmer step, 

when θH is varied from 0 to 1 by tuning K5, the Tafel slope is always 120 mV 

dec−1. As previously mentioned, 120 mV dec−1 can be observed in many cases, 
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suggesting that the Tafel slope of 120 mV dec−1 cannot be solely used to identify 

the rate determining step.  

 

Figure 2.2. Simulated behavior of the Tafel relation for the hydrogen oxidation 

reaction assuming (a) Equation 2.30, 2.35 (K7 < 1015), 2.37 or 2.39 (K21 < 10−15 

and pH 13) and (b) Equation 2.35 or 2.39 as the rate-determining step. 

In the literature, Tafel slopes using noble metals and their alloys are used to 

evaluate the HOR kinetics. Tafel slopes of 106, 88, 229, 154 and 784 mV dec−1 

were reported for bulk Pt, sputtered Pt, Pt-Ni, Pt-Ti and Ni-Ti, respectively, in 1 

mol L−1 KOH.69 Tafel slopes of 124±15, 124±5, 258±23 and 180±8 were reported 

for Pt/C, Ir/C, Pd/C and Rh/C, respectively, where the Tafel step is mentioned as 

the rate-determining step.9 The HOR is also a structure sensitive reaction: 

Pt(110) has a Tafel slope of 28 mV dec−1 (Tafel-Volmer), Pt(100) has a Tafel 

slope of 37 that increases to 112 mV dec−1 (Heyrovsky-Volmer), and Pt(111) has 

a Tafel slope of 74 mV dec−1 (Tafel-Volmer, Heyrovsky-Volmer) in 0.05 mol L−1 

H2SO4.
70 These examples corroborate the significance of this study: a Tafel 
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slope of around 120 mV dec−1 is frequently reported but is not evidenced in any 

rate-determining step. 

2.2.3. Oxygen Reduction Reaction (ORR) 

The ORR mechanism is complicated and continues to be 

discussed.26,28,40,44,47,48,71,72 Recently, Adzic and coworkers reported that OO− can 

be the intermediate species for ORR under alkaline conditions.73 Therefore, as 

elementary steps, the following associative mechanism is considered in this 

study:26−31,74,75 

2 2M O MO , (2.40) 

2 2
MO e MO  , (2.41) 

2 2 2
MO H O MO H OH   , (2.42) 

2
MO H e MO OH    or 2

MO H e MOOH  , (2.43) 

where M denotes an empty site on the surface. For acidic conditions, the 

following step is introduced instead of Equations 2.41 and 2.42: 

2 3 2 2
MO H O e MO H H O    . (2.44) 

Further details of the elementary steps have been discussed by Koper, where 

charge transfer and proton-coupled charge transfer reactions are separately 

considered.76 Although above steps are in the more simplified form, the resultant 

Tafel slope results in identical values. Each step of Equations 2.41−2.44 is 
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assumed to be rate determining to describe the electric currents in the following 

sections. Regarding the coverage expression, θ0, θ1, θ2 and θ3 denote the 

surface coverage by the empty site, MOO, MOO− and MOOH, respectively. 

Equation 2.41 Determines the Overall Reaction Rate 

When the formation of MOO− is the rate determining step, Equation 2.40 

can be assumed to be at equilibrium. The forward and reverse reaction rates of 

Equation 2.40 are the same: 

2

0

40 40 0 O
r k p , (2.45) 

0

40 40 1
r k 
 

 , (2.46) 

where θ0 and θ1 denote the surface coverage by the empty sites and MOO, 

respectively. Because Equation 2.41 is rate determining, the surface coverage by 

MOO− is close to zero, yielding the following relationship: 

0 1
1   . (2.47) 

Equations 2.45−2.47 lead to the following coverage expression: 

2

2

0

40 O

1 0

40 O
1

K p

K p
 


, (2.48) 

where 
0 0 0

40 40 40
K k k


 . The forward reaction rate for Equation 2.41 is described as 

41 41 1r k  , (2.49) 
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the current expression is provided as follows using Equation 2.10, 2.12, 2.48 and 

2.49, 

 2

2

0

40 O0

41 41 410

40 O

exp
1

K p
I nFAk f

K p
  


. (2.50) 

Equation 2.42 determines the overall reaction rate 

In this case, Equations 2.40 and 2.41 are equilibrated. The forward and 

reverse reaction rates for Equation 2.41 are described as in Equation 2.49 and  

41 41 2
r k 
 

 , (2.51) 

respectively, where θ2 denotes the surface coverage by MOO−. Because the 

forward reaction in Equation 2.42 determines the overall reaction rate, the 

surface adsorbed species are MOO and MOO−, indicating that the following 

relationship is true: 

0 1 2 1     . (2.52) 

Equations 2.45, 2.46, 2.49, 2.51 and 2.52 lead to the following coverage 

expression: 

 

 
2

2 2

0 0

40 41 O 41

2 0 0 0

40 41 O 41 40 O

exp

exp 1

K K p f

K K p f K p









  
, (2.53) 

where 
0 0 0

45 45 45
K k k


 . The forward reaction rate for Equation 2.42 is described as 
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2

0

42 42 2 H O
r k a , (2.54) 

and, therefore, the overall electric current is expressed, as follows: 

 

 
2 2

2 2

0 0

40 41 O H O 410

42 0 0 0

40 41 O 41 40 O

exp

exp 1

K K p a f
I nFAk

K K p f K p








  
. (2.55) 

Of note, Equation 2.42 is not an electron transfer reaction, and therefore that the 

reaction rate dependence on the applied potential originates from that of the 

coverage. 

Equation 2.43 Determines the Overall Reaction Rate 

In addition to Equations 2.40 and 2.41, Equation 2.42 is equilibrated. The 

forward and reverse reaction rates for Equation 2.42 are described as in 

Equation 2.54 and 

0

42 42 3 OH
r k a  

 , (2.56)  

where θ3 denotes the surface coverage by MO, and the following relationship is 

true: 

42 42r r


 . (2.57) 

Among the three adsorbed species, the following relationship is true: 

0 1 2 3 1       . (2.58) 
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Equations 2.45, 2.46, 2.49, 2.51, 2.52, 2.54, and 2.56−2.58 lead to the following 

coverage expression: 

  

   

2 2

2 2 2

2

0 0 0

3 40 41 42 O H O 41

0 0 0 0 0

40 41 42 O H O 41 40 41 O 41OH

0

40 O OH OH

exp

exp exp
/

K K K p a f

K K K p a f K K p a f

K p a a

 

 

 

 

    
 
   

. (2.59) 

Because the forward reaction rate in Equation 2.43 is given as 

43 43 3r k  , (2.60)  

the overall reaction rate is described, as follows: 

    

   

2 2

2 2 2

2

0 0 0 0

43 40 41 42 O H O 41 43 43

0 0 0 0 0

40 41 42 O H O 41 40 41 O 41OH

0

40 O OH OH

exp exp

exp exp
/

I nFAk K K K p a f f

K K K p a f K K p a f

K p a a

  

 

 

  

    
 
   

. (2.61) 

Equation 2.44 Determines the Overall Reaction Rate 

Instead of Equations 2.40 and 2.41, Equation 2.44 is considered to be rate 

determining. Equations 2.45−2.48 are valid in this case, and the overall rate 

expression is given as follows: 

3
44 44 1 H O

r k a  . (2.62) 

This leads to the following equation for the electric current: 

 2

3

2

0

40 O0

44 44 440H O
40 O

exp
1

K p
I nFAk a f

K p
  


. (2.63) 
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Simulated Tafel Relation for the ORR 

The four kinetic expressions for the ORR is described. Using Equations 

2.50, 2.55, 2.61 and 2.63, the current-potential relationships are shown in 

Figure  2.3. The following values were used for constants: 

k43/k44/k45/k46/k47/k−43/k−44/k−45 = 1/1/1/1/1/1/105/104/10 and 
2H OOH

/a a  = 1/10.  

 

Figure 2.3. Simulated behavior of the Tafel relation for the oxygen reduction 

reaction assuming (a) Equation 2.50 or 2.63, (b) Equation 2.55 and (c) Equation 

2.61 as the rate-determining step. 
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It should be noted that the Tafel slope itself is not affected by these figures, but 

the potential region where the specific Tafel slope is observed is quantitatively 

dependent on these values, although this falls outside the scope of our study. 

The primary differences between sections describing Equation 2.41 and 2.43 are 

the constants, as can be observed in Equations 2.50 and 2.63. Therefore, both 

cases can be described simultaneously (Figure  2.3a). Figure  2.3b and 

Figure  2.3c describe Equations 2.55 and 2.61, respectively. The Tafel slope of 

120 mV dec−1 is obtained when the rate is determined by the first discharge step 

or the upon consumption of the MOOH species with high coverage of MOO− 

(Equation 2.43). In the other cases, the simulated Tafel slope is lower than 120 

mV dec−1, as Equations 2.55 and 2.61 correspond to Tafel slopes of 60 mV dec−1 

and 40 mV dec−1, respectively. 

Various Tafel slopes have been reported in the literature. Pt is one of the 

most active electrocatalysts for the ORR and has been studied under various 

conditions. The Pt/C catalyst under acidic conditions exhibits a two-step Tafel 

slope: ca. 60 mV dec−1 shifts to 120 mV dec−1 with increasing potential in 0.5 mol 

L−1 H2SO4, 0.05 mol L−1 H2SO4 and 0.5 mol L−1 HClO4.
77−81 A single Tafel slope 

of 50−80 mV dec−1 (higher with decreasing Pt mean diameter from 6 to 1 nm) 

has been reported in 5 mmol L−1 HClO4, possibly measured at a lower 

overpotential range (corresponding to the aforementioned 60 mV dec−1).82 In an 

alkaline solution of 1 mol L−1 NaOH, Pt/C also exhibits a two-step Tafel slope of 

65−82 mV dec−1 that increases to >100 mV dec−1 with increasing overpotential.83 

Bare Pt disks exhibit similar behavior: a Tafel slope of 60 mV dec−1 at a low 
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overpotential and 120 mV dec−1 at higher overpotentials in 0.1 mol L−1 

HClO4
31,44,84 and in HClO4 or H2SO4 at pH 0.3−4.71,72 When an additional 

supporting electrolyte is used, a single Tafel slope of 120 mV dec−1 is 

observed.85 In addition, under PEMFC conditions, a single Tafel slope of 

109−120 mV dec−1 at 65 °C was reported.86 Under neutral conditions of 0.05 mol 

L−1 K2SO4, various Tafel slopes were found: 175 mV dec−1 that decreased to 120 

mV dec−1 at pH 4 and 120→175→120 mV dec−1 at pH 6.85 A constant Tafel 

slope of 125 mV dec−1 was found in 10 mmol L−1 NaOH + 0.1 mol L−1 Na2SO4.
81 

Under alkaline conditions, Pt exhibits a Tafel slope of approximately 60 mV dec−1 

in the low overpotential region in 0.1−6.0 mol L−1 KOH,49,50,69,87 1.0 mol L−1 

K2B4O4 and 1.0 mol L−1 KF.28 At larger overpotentials, the Tafel slope increases 

to: 120 mV dec−1 in 1.0 mol L−1 K2B4O4 and 1.0 mol L−1 KF,28 180 mV dec−1 in 

0.01 mol L−1 KOH,87 200−490 mV dec−1 in 0.1 mol L−1 KOH,49,87 215−310 in 0.5 

mol L−1 KOH,50,87 242−270 in 1.0 mol L−1 KOH,50,69,87 and 252−300 in 3.0 mol L−1 

KOH.50,87 Single Pt crystals exhibit different Tafel slopes depending on the 

exposed facet. Constant Tafel slopes of 76−77 mV dec−1 in 0.1 mol L−1 

HClO4
88,89 and 120−130 mV dec−1 in 0.05−0.5 mol L−1 H2SO4

90 were found for 

Pt(111). However, two-step Tafel slopes were reported for Pt(100) and Pt(110). 

Pt(100) exhibits a Tafel slope of 100 mV dec−1 in 0.1 mol L−1 HClO4
89 or 65 mV 

dec−1 in 0.05 mol L−1 H2SO4
91 at lower overpotentials and 120 mV dec−1 with 

increasing potentials, and Pt(110) exhibits a Tafel slope of 80−82 mV dec−1 that 

increases to 110 mV dec−1 in 0.1 mol L−1 HClO4 and 0.05 mol L−1 H2SO4.
89,91 

Under alkaline conditions, the Tafel slope generally increases. A constant Tafel 
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slope of 75 mV dec−1 for Pt(111), a two-step Tafel slope of 86 that increases to 

167 mV dec−1 for Pt(100), and a two-step Tafel slope of 89 that increases to 265 

mV dec−1 for Pt(110) in 0.1 mol L−1 KOH were reported.92 

Alloying Pt with other metals is a common way to improve the ORR 

activities, among which Pt-Ni alloy is one of the most studied and active 

electrocatalysts. PtNi mesostructured thin film exhibit a Tafel slope of 40 mV 

dec−1 in 0.1 mol L−1 HClO4,
84 Pt7Ni3 exhibits a Tafel slope of 83 mV dec−1 in 1.0 

mol L−1 H2SO4,
93 and Pt3Ni exhibits a Tafel slope of 46 mV dec−1 in 0.1 mol L−1 

HClO4,
34 whereas Pt61Ni39 was reported to show a potential-dependent Tafel 

slope in 0.1 mol L−1 HClO4.
94 With other transition metals, Pt71Co29 and Pt51Fe49 

exhibit comparable Tafel slopes, which increased up to 120 mV dec−1 in 0.1 mol 

L−1 HClO4,
94 and PtCo/C presents a Tafel slope of 70 mV dec−1 over the entire 

potential range of 0.8−0.9 V vs. RHE.32 Two-step Tafel slope values of 47→141, 

49→ 206 and 48→304 mV dec−1 were found for Pt-Cr, Pt-Ta and Pt-Cr-Ta, 

respectively, in 1.0 mol L−1 KOH.69 Pt3Sc and Pt3Y also exhibit two-step Tafel 

slopes; at lower overpotentials, the Tafel is comparable to Pt and increases with 

the potential in 0.1 mol L−1 HClO4.
95 PtPd alloy exhibits a comparable Tafel slope 

to Pt of 60 mV dec−1 that increases to 130 mV dec−1 in 0.5 mol L−1 H2SO4.
96 

Regarding other electrocatalysts that do not contain platinum, Ir was 

reported to exhibit Tafel slopes of 60 and 120 mV dec−1 at low and high 

overpotentials, respectively, in LiClO4 solutions at pH values of 2.2, 3.1, and 

11.0.97 In addition to metal catalysts, some oxides (57 mV dec−1 for MnOx/C, 56 
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mV dec−1 for Ni-MnOx/C, 47 mV dec−1 for Mg-MnOx/C)98 and carbon species (110 

mV dec−1 for pyrolytic graphite)49 exhibit ORR activities under alkaline conditions. 

In many cases, a variety of Tafel slopes are reported, and most are potential-

dependent. To identify or at least consider the rate determining step, deriving the 

theoretical Tafel slope dependence on each coverage is of particular importance. 

2.2.4. Oxygen Evolution Reaction (OER) 

The oxygen evolution reaction (OER) is known as a 2 or 4 electron step, 

and the reaction mechanism is complicated.39,56,99 Based on the literature and 

considering that the OER with hydroxide anion is the backward reaction of the 

ORR, the following mechanism under alkaline conditions is considered here, 

assuming a single-site mechanism: 

M OH MOH e   , (2.64) 

2
MOH OH MO H O e    , (2.65) 

MO OH MOOH e   , (2.66) 

2
MOOH OH MOO H O   , (2.67) 

2
MOO M O e   , (2.68) 

where M denotes a site on the surface. Each step of Equations 2.64−2.68 is 

assumed to be rate determining to describe the electric currents. Regarding the 

coverage expression, θ0, θ1, θ2, θ3 and θ4 denote the surface coverage by the 

empty site, MOH, MO, MOOH and MOO−, respectively. 
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Equation 2.64 Determines the Overall Reaction Rate 

The reaction rate for this case is simply described as follows, assuming the 

coverage of the empty site (θ0) is ≈ 1:  

64 64 0 64OH OH
r k a k a    . (2.69) 

For the electron transfer oxidation reaction, the rate constant is generally 

described by Equation 2.10, yielding the following overall kinetic rate equation: 

  0

64 64 64OH
exp 1I nFAk a f   . (2.70) 

Equation 2.65 Determines the Overall Reaction Rate 

In this case, the reaction given by Equation 2.64 can be assumed to be at 

equilibrium: 

64 64r r


 . (2.71) 

The kinetic expression of the backward reaction of Equation 2.64 is: 

64 64 1OH
r k a  

 . (2.72) 

Equations 2.69, 2.71 and 2.72 yield the following relationship: 

 
1

0 0

64 64 OH
expK f a




 

 , (2.73) 

and the following limitation applies: 
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1

0

1
i

i




 . (2.74) 

The coverage description is obtained as follows using Equations 2.73 and 2.74: 

 

 

0

64 64 OH
1 0

64 64 OH

exp

exp 1

K f a

K f a













. (2.75) 

Therefore, the kinetic current is described as: 

65 65 1 OH
r k a  , (2.76) 

    
 

0 0 2

64 65 64 65 65OH

0

64 64 OH

exp exp 1

exp 1

K k f a f
I nFA

K f a

  











. (2.77) 

Equation 2.66 Determines the Overall Reaction Rate 

The equilibrium of Equation 2.64 also applies, indicating that Equation 2.73 

is true. Additionally, Equation 2.65 is at equilibrium: 

65 65r r


 . (2.78) 

The backward reaction rate for Equation 2.65 can be written as: 

265 65 H O 2r k a 
 

 . (2.79) 

Then, the following relation for the coverage is obtained: 

 
2H O

1 20

65 65OH
exp

a

a K f
 



 . (2.80) 



96 
 

Additionally, the following is true: 

2

0

1
i

i




 . (2.81) 

Combining Equations 2.73, 2.80 and 2.81 gives the following coverage 

expression: 

  
    

2 2

0 0 2

64 65 64 65 OH
2 0 0 0 2

H O 64 64 H O 64 65 64 65OH OH

exp

exp exp

K K f a

a K f a a K K f a

 


  



 




  
, (2.82) 

which yields the following kinetic rate equation: 

66 66 2 OH
r k a  , (2.83) 

     

    
2 2

0 0 0 3

64 65 64 65 66 66 66 OH

0 0 0 2

H O 64 64 H O 64 65 64 65OH OH

exp exp 1

/ exp exp

I nFA K K f k f a

a K f a a K K f a

   

  



 

    

    

. (2.84) 

Equation 2.67 Determines the Overall Reaction Rate 

This case is regarded in a similar manner to the previous case. Considering 

equilibrium in Equation 2.66: 

66 66 66 3r r k 
 

  , (2.85) 

the following relation is obtained: 

 
3

2 0

66 66OH
expa K f






 . (2.86) 

Furthermore, 
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3

0

1
i

i




 , (2.87) 

is true in this case, and thus the following coverage expression is derived by 

combining Equations 2.73, 2.80, 2.86 and 2.87: 

  

    

  
2 2

0 0 0 3

3 64 65 66 64 65 66 OH

0 0 0 2

H O 64 64 H O 64 65 64 65OH OH

0 0 0 3

64 65 66 64 65 66 OH

exp

exp exp
/

exp

K K K f a

a K f a a K K f a

K K K f a

   

  

  



 



    

   
 
    

. (2.88) 

Therefore, the kinetic current is given as: 

0

67 67 3OH
r k a  , (2.89) 

  

    

  
2 2

0 0 0 0 4

64 65 66 64 65 66 67 OH

0 0 0 2

H O 64 64 H O 64 65 64 65OH OH

0 0 0 3

64 65 66 64 65 66 OH

exp

exp exp
/

exp

I nFA K K K f k a

a K f a a K K f a

K K K f a

  

  

  



 



    

   
 
    

. (2.90) 

Equation 2.68 Determines the Overall Reaction Rate 

Equation 2.67 at equilibrium corresponds to: 

2

0

67 67 67 4 H O
r r k a

 
  . (2.91) 

Combining this with Equation 2.89 yields the following relation: 

2H O

3 40

67OH

a

a K
 



 . (2.92) 

Considering that, 
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4

0

1
i

i




 , (2.93) 

is true in this case and combining Equations 2.73, 2.80, 2.86, 2.92 and 2.93, the 

following coverage expression is obtained: 

  

 

  

  

  

2 2
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0 0 0 0 4

4 64 65 66 67 64 65 66 OH

2 0 2

H O 64 64 H OOH

0 0 2
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. (2.94) 

Finally, the kinetic current for this case is given as: 

68 68 4OH
r k a  , (2.95) 
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. (2.96) 

Simulated Tafel Relation for the OER 

The Tafel plots for the OER can be visualized. Using Equations 2.70, 2.77, 

2.84, 2.90 and 2.96, the current-potential relationships are shown in Figure  2.4.  
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Figure 2.4. Simulated behavior of the Tafel relation for the oxygen evolution 

reaction assuming (a) Equation 2.70, (b) Equation 2.77 (c) Equation 2.84 (d) 

Equation 2.90 and (e, f) Equation 2.96 as the rate-determining step. 
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The following values were used: 
2H OOH

/a a  = 1/10 and  

(for Equation 2.77) k67/k68/k−67 = 102/107/1 

(for Equation 2.84) k67/k68/k69/k−67/k−68 = 104/102/1/109/1 

(for Equation 2.90) k67/k68/k69/k70/k−67/k−68/k−69 = 3×1012/106/104/1/1011/1012/1015 

(for Equation 2.96)  

k67/k68/k69/k70/k71/k−67/k−68/k−69/k−70 = 109/1010/108/1011/1/1016/1016/1019/1010 

or  

 k67/k68/k69/k70/k71/k−67/k−68/k−69/k−70 = 1011/1014/108/109/1/1014/1014/1019/1010. 

According to these plots, a Tafel slope of 120 mV dec−1 is observed when the 

surface species formed in the step just before the rate-determining step is 

predominant (e.g., θ1 for Equation 2.77, θ2 for Equation 2.84, and so on). In the 

other cases, the Tafel slope is lower than 120 mV dec−1. When the surface 

adsorbed species produced in the early stage of the OER remains predominant, 

the Tafel slope becomes smaller. In particular, as shown in Figure  2.4b, when 

Equation 2.65 determines the overall rate, a Tafel slope of 30 mV dec−1 was 

observed with high coverage of the empty site. In addition, the same Tafel slope 

was theoretically observed when Equation 2.67 was the rate determining with a 

high coverage of MOH (> 0.6). This may account for the unusually small Tafel 

slope of 30 mV dec−1 that was observed using NiFe layered double hydroxide 

(LDH) (31 mV dec−1 in 1 mol L−1 KOH and 35 mV dec−1 in 0.1 mol L−1 KOH using 
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NiFe-LDH/CNT)13 and when using Fe50Co50Ox, Fe50Ni50Ox and Fe33Co33Ni33Ox 

(approximately 30 mV dec−1 in 0.1 mol L−1 KOH)100 under alkaline conditions. 

When the NiFe LDH is used in the bulk form, the Tafel slope differs from around 

30 mV dec−1; a Tafel slope of approximately 60−65 mV dec−1 was found, which 

was also reported using NiCo LDH and CoCo LDH.101 These values are 

comparable to 65 mV dec−1 for Ni(OH)2 and 60 for Ir/C in 0.1 mol L−1 KOH.12 

Other metal derived from electrocatalysts of oxidized Ni, Co and Fe were 

reported to exhibit a Tafel slope of approximately 40 mV dec−1, which shifts to 

higher Tafel slope values with increasing overpotential (up to ca. 240 mV dec−1) 

in 0.1−5.0 mol L−1 NaOH.101,102 In addition, the perovskite-type catalyst, 

LnBaCo2O5+nδ (Ln: Pr, Sm, Gd, and Ho), exhibited a Tafel slope of 60 mV dec−1 

in 0.1 mol L−1 KOH.103 Tafel slopes of 292, 312 and 393 mV dec−1 have been 

reported in the literature using NiCo2O4 nanoneedles, CoPi and NiCo2O4 

nanosheets, respectively, in 1.0 mol L−1 KOH.104 In acidic electrolyte solution, 

Tafel slopes of 41, 74, 66, 85, 210, 120 and 90 mV dec−1 were reported for Ru, 

Ru-Ir, RuO2/TiO2, Ir, Ir-Pt, Ru-Pt and Pt, respectively, in 1.0 mol L−1 H2SO4 at 80 

°C.105 Regarding Pt, studies performed at room temperature reported a Tafel 

slope of 110 mV dec−1 in 1 mol L−1 HClO4, whereas a slope of 60 that increased 

to 120 mV dec−1 with increasing potential in 1.0 mol L−1 KOH.106 In some cases, 

although not clearly documented, the Tafel slope changes with 

potential.13,100,104,106 To electrochemically elucidate the rate determining step and 

elementary step, not only the smallest Tafel slope but also all measured Tafel 
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slopes should be reported, whereby this study can then be used to identify the 

possible rate determining steps. 

2.2.5. Overall Description of Electrocatalytic Reactions 

Applicability of the Butler-Volmer Equation 

In Sections  2.2.1 and  2.2.2, the kinetic electric currents were derived for the 

HER and HOR, respectively, resulting in six types of electric current expressions 

for each HER and HOR. These analyses demonstrated that the HER and HOR 

are not a simple reversible electrocatalytic reaction pair because different rate 

determining steps can be involved in each. Thus, for the HOR/HER to follow the 

Butler-Volmer equation, at least the same type of rate-determining steps should 

be prevalent. For example, when the Volmer step (Equation 2.6) determines both 

reactions, the HER can be described by Equation 2.13, and the HOR can be 

described by Equation 2.35. By introducing the exchange current, I0, Equation 

2.13 can be simplified as follows: 

 13

0 6 6expI I f   , (2.13’) 

where 

3

13 0

0 6 H O
I nFAk a  . (2.97) 

Equation 2.35 cannot be simplified in this way because the coverage term is 

potential-dependent. Only if a constant coverage is assumed, the following 

expression can be obtained: 
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 35

0 6 6
exp 1I I f     , (2.35’) 

where 
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2 2 23
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0 3

1 20

7 7 8
exp

H O

HH O H

H O H HH O

I nFAk a

pa p

a p K a f p K
 






 
  
   
 

. (2.98) 

In this case, the combination of Equations 2.13’ and 2.35’ leads to the following 

overall HOR/HER current equation: 

   13 35

0 6 6 0 6 6
exp exp 1I I f I f         . (2.99) 

Equation 2.99 resembles the Butler-Volmer equation:52 

    0 exp exp 1I I f f         , (2.2’) 

which implies the following:  

{ (1) if the Volmer step determines both HER and HOR } 

And 

{ (2A) if ε1 is negligibly small compared to ε2 (Tafel-Volmer step)  

Or 

(2B) if K7 is negligibly small compared to     
2 2 3

H O H H O
/ expa P a f   

(Heyrovsky-Volmer step, and θH is close to 0) } 
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And 

{ (3) if the surface coverage during hydronium ion reduction remains close 

to zero at any potential } 

And 

{ (4) if the surface coverage during hydrogen oxidation by water molecules 

remains non-zero at any potential } 

then the HOR/HER may be described by the Butler-Volmer equation. Regarding 

point (1), it is in practice quite challenging to specifically ascribe the 

electrochemical observation to the Volmer step being the rate determining step. 

A Tafel slope of 120 mV dec−1 for the HER cannot be solely used as evidence for 

the Volmer step being the rate-determining step, as mentioned in the HER 

section. Additionally, as described in the HOR section, Tafel slopes that differ 

from 120 mV dec−1 for the HOR can be theoretically obtained only if adsorbed 

hydrogen species are formed via the Heyrovsky step and if the surface coverage 

θH is close to 0. These rationales suggest that there are other scenarios in which 

the Tafel slope can be 120 mV dec−1. Hence, an experimentally observed slope 

of 120 mV dec−1 does not imply that the Volmer step limits the rate. Furthermore, 

to meet criteria (3) and (4), there should be a certain potential range where 

coverage changes with potential, which contradicts the criteria themselves. Thus, 

the assumption that the Volmer step determines the overall rate at any potential 

is not true in any case. If all of the above criteria are satisfied, then the Butler-
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Volmer equation may be applied to fit the HOR/HER. Otherwise, the obtained 

fitting parameter may result in misleading information. 

 Nevertheless, in some studies, the Butler-Volmer equation:52 

       0 0 0exp exp 1
O R

I nFAk C f E E C f E E       
 

, (2.2”) 

is applied to elucidate the surface kinetics.5,9,31,47−50 The empirical Tafel equation 

(Equation 2.1) can be simplified to the equation based on the Butler-Volmer 

equation (Equation 2.3). This conversion of the equation is valid only if the Butler-

Volmer equation is applicable. Even for the HOR/HER, which are one of the 

simplest electrocatalytic reactions, the Butler-Volmer equation is applicable only 

in very limited cases. Notably, the Butler-Volmer equation is derived assuming 

“the special case in which the interface is at equilibrium with a solution in which 

* *

O R
C C ” and “

0'E E  and * *

f O b R
k C k C , so that 

f b
k k ” for a simple 

electrochemical reaction (O Rf

b

k

k
e ), where *

O
C  and *

R
C  represent the 

concentrations of species O and R in the bulk, respectively, and 
f

k  and b
k  define 

the rate constants for the forward and backward reactions, respectively.65 As 

previously discussed, this cannot be always assumed even for the simple 

electrochemical HER/HOR, but can only be assumed for much simpler reactions 

such as O Rf

b

k

k
e . It follows that, for much more complicated reactions of 

ORR/OER, the applicability of the Butler-Volmer is questionable. It can be 

concluded that the Butler-Volmer equation cannot be simply applied to any 
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reversible electrocatalytic reaction. It can be questioned to what extent evaluating 

the electrochemical reaction by the exchange current is valid. All electrochemical 

reactions must be evaluated based on the kinetics, not in conjunction with the 

Butler-Volmer equation. Therefore, the kinetics can be evaluated by the Tafel 

slope, which is kinetically always applicable, but its intercept may not always be 

equal to the exchange current, (  0ln
RT

i
F

). 

Other Physical Parameters Associated with Electrocatalytic Activity 

As described in this chapter, the electrocatalytic activity is not only potential-

dependent but also temperature dependent, which alters the Tafel slope.107−109 

As well-known in the field of catalysis, the rate constant for the chemical reaction 

follows the Arrhenius’s equation: 

'exp aE
k A

RT

 
  

 
, (2.100)  

where A’ represents the collision frequency, and Ea represents the apparent 

activation energy. By varying the temperature during electrochemical 

measurement, the rate constants for each step can be altered, which in turn 

defines the Tafel slope. In the literature, Equation 2.3 is typically used to describe 

the dependence of the Tafel slope on temperature. In this equation, RT F  

corresponds to the Tafel slope. This equation is derived based on the Butler-

Volmer equation in conjunction with the Tafel equation, which is doubtful as 

discussed. When the overall electric current is differentiated by potential, the 
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detailed theoretical Tafel slope description is obtained. Further differentiating it by 

temperature reveals the dependence of the Tafel slope on temperature. This 

exercise is highly complicated and beyond the scope of this study. 

The rate constant for the electrochemical reaction is generally given by 

Equation 2.10, where α is the electron transfer coefficient. The reference52 states 

that “α, the transfer coefficient, can range from zero to unity”. Because the 

transfer coefficient is included in the rate constant description, the Tafel slope is 

also dependent on the transfer coefficient. Experimentally identifying the transfer 

coefficient is quite difficult, but some have tried to determine it by directly 

correlating the transfer coefficient with the Tafel slope given by Equation 2.3,31,51 

which is based on the assumption that the Butler-Volmer equation is applicable. 

The effort to experimentally elucidate the transfer coefficient should be made with 

considerable care, especially considering the applicability of the Butler-Volmer 

equation.  

To accurately describe the kinetic component from overall current, the 

contribution of mass transport must be effectively isolated. The following Levich 

equation has been established for the mass transport limited current in the 

configuration of the rotating disk electrode (RDE):52 

2 3 1 2 1 60.62
L
i nFAD C   , (2.101) 

where iL is the Levich currents (limiting diffusion current), F is the Faraday 

constant, A represents the electrode surface area, ω denotes the disk electrode 
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rotation speed, ν is the kinematic viscosity and δC represents the difference 

between surface and bulk reactant concentrations. The relationship between the 

overall current i with the Levich current iL and the kinetic current ik is described in 

the Koutecky-Levich (KL) equation: 

1 1 1

L k
i i i
  . (2.102) 

Using these equations, the kinetic current can be determined only when the 

system satisfies the assumptions required to establish the Levich equation. For 

example, a system consisting of considerable electrode roughness may lead to 

large deviations from the theoretical value simply expected from the KL equation. 

Thus, the KL analysis must be treated with special care based on these 

requirements. In general, the obtained values can be mostly overestimated, 

underestimated or even misled due to the multi-step nature of the reaction 

mechanism.110 The considerations on mass transport effects have been studied 

elsewhere for HER,111−113 HER/HOR4,112,113 and ORR114 and are out of the scope 

of this study. However, it should be emphasized that improper subtraction of 

mass transport contribution would cause misinterpretation of the rate determining 

steps and kinetics due to inaccurate Tafel slopes for elucidating kinetics.112.113  

Microkinetic analyses are powerful for addressing reaction mechanisms and 

rate-determining steps. In addition, there is natural limitation in that the 

postulated mechanisms must be correct to describe the Tafel slopes. As 

observed in this study, the same Tafel slopes can be obtained for different 
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elementary steps with varied coverages. For instance, in the OER section, the 

OER was described as a single-site mechanism, revealing a variety of 

possibilities that exhibit the same Tafel slopes. Recent advances in mechanistic 

studies of PSII in photosynthesis have proposed radical coupling mechanisms in 

which two metals are involved in the generation of one oxygen molecule.115 In 

another example, it was proposed that HER via water reduction is facilitated by 

Ni hydroxide islands on Pt surfaces via a bifunctional mechanism at the 

periphery, where two different sites are involved in one reaction.4,116,117 This 

study provides an aspect of electrocatalytic kinetics that focus on Tafel analyses 

and the applicability of the Butler-Volmer equation. The development of improved 

electrocatalysts should aim to identify catalysts that proceed via unexpected 

elementary steps, which breaks the volcano plot trend with one activity 

descriptor, such as metal-adsorbate bond strength.34,36,82,118−121 

2.3. Summary 

Fundamental electrocatalytic reactions of hydrogen evolution reaction 

(HER), hydrogen oxidation reaction (HOR), oxygen reduction reaction (ORR) and 

oxygen evolution reaction (OER) were revisited considering conventional 

microkinetics and focusing on Tafel analyses. The kinetic model in this study 

reproduced the well-known Tafel slopes of 30, 40 and 120 mV dec−1 for the 

Tafel, Heyrovsky and Volmer steps of the HER, respectively, which confirms the 

validity of the considered method. Although in the literature, a Tafel slope of 120 

mV dec−1 for the HER is generally assigned to the Volmer step, based on the 
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current study, this slope was also observed when the Heyrovsky step determined 

the rate with a high coverage of adsorbed hydrogen (> 0.6). Similarly, a Tafel 

slope of 120 mV dec−1 was also found in for the HOR, ORR and OER, but not 

only in the first discharge step as the rate-determining step. This observation 

suggests that a Tafel slope of 120 mV dec−1 (often considered as a single-

electron transfer rate limiting) does not conclusively identify the rate-determining 

step. Furthermore, the validity of the Butler-Volmer equation to describe 

electrocatalytic kinetics in redox reactions was addressed in this chapter. 

Theoretical modeling suggests that, only in very limited cases, is the Butler-

Volmer equation applicable in describing the electrocatalytic kinetics. Therefore, 

the kinetics should be considered based on a microkinetic model that includes 

coverage terms rather than a model conjugated with the Butler-Volmer equation. 

Although the Tafel analysis is useful in elucidating the rate-determining steps, too 

simplified discussion, such as determination of the kinetics based only on the 

Butler-Volmer assumption, fails to accurately describe the surface 

electrocatalysis. This work provides a more accurate and concrete vision of the 

kinetics of H2 and O2 aqueous electrocatalysis, which is essential for the 

advancement of electrolysis and fuel cells. 
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3. Mechanistic Reaction Switching Induced by Hydronium Ion Activityc 

Fundamental electrochemical reactions, namely the hydrogen evolution 

reaction (HER) and the hydrogen oxidation reaction (HOR), were re-evaluated in 

aqueous Na2SO4 under various pH conditions (1−13) using the rotating disk 

electrode (RDE) technique over polycrystalline Pt disk and Pt nanoparticles 

dispersed on carbon black (Pt/C) electrodes. The effects of hydronium and 

hydroxide ion activity on the reaction kinetics of both reactions were extensively 

investigated. Obvious kinetic trends were observed and could be classified into 

three pH regions: acidic (1−5), near-neutral (5−9), and alkaline (9−13). Under 

acidic and alkaline conditions, the measured overpotentials were relatively low, 

consistent with the fact that Pt is one of the most active HER-HOR 

electrocatalysts. Under near-neutral pH conditions, where the water molecule 

most likely became the primary reactant for both HER and HOR, substantial 

overpotential, which is not affected by pH, was required for electrocatalysis in 

both directions. Furthermore, the HER-HOR activity in the near-neutral pH region 

was independent of the supporting electrolyte type (Li+, Na+, K+, Cs+, SO4
2−, 

ClO4
−, Cl−, or CO3

2−). The ion and pH independence suggests that HER-HOR 

performances at near-neutral pH using Pt solely reflected the intrinsic 

electrocatalytic activity of Pt in the rate determining steps, which involves 

electron transfer with water molecules. Under such conditions, overpotentials 

were quantitatively evaluated to be approximately −0.55 V for the HER and −0.30 

V for the HOR on the standard hydrogen electrode (SHE) scale. In alkaline 

                                                           
c
 This chapter was adapted from T. Shinagawa, A. T. Garcia-Esparza and K. Takanabe, ChemElectroChem, 
2014, DOI: 10.1002/celc.201402085. 
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conditions, the HER is largely driven by thermodynamics, in which the 

thermodynamic potential becomes more negative than the kinetic potential of Pt 

for HER (−0.55 V vs. SHE). The same argument is applied for the HOR in acidic 

conditions, where the thermodynamic potential becomes more positive than the 

kinetic potential of Pt for HOR (−0.30 V vs. SHE). Such a global picture of the 

HER-HOR is detailed in this chapter, resulting from mechanistic switching 

accompanied by the change in pH. 

3.1. Introduction 

Much attention has recently been focused on H2/O2 aqueous 

electrocatalysis in order to expand the existing technology for application to solar 

energy conversion and microbial fuel cells.1−4 Hydrogen can be used in fuel cells 

to directly convert chemical energy into electricity with high efficiency. The 

fundamental reactions for proton exchange membrane fuel cells are the 

hydrogen oxidation reaction (HOR): 

  2 2 3H H O  2H O 2e ,  (3.1a) 

  2 2H 2OH   2H O 2e , (3.1b) 

and the oxygen reduction reaction (ORR): 5−25 

2 3 2O 4H O 4e  6H O   , (3.2a) 

2 2O 2H O 4e  4OH   . (3.2b) 
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Improvements in the kinetics of the HOR and ORR are required because fuel cell 

efficiency depends heavily on the electrocatalytic performance of the anode and 

cathode.6 The hydrogen evolution reaction (HER) via electrolysis is described by 

the following equation:  

3 2 22H O 2e  H H O   , (3.3a) 

2 22H O 2e H 2OH   . (3.3b) 

Pt is a well-known active and durable catalyst for these three reactions at various 

pH levels and temperatures.5,6,18−44 A large number of investigations have been 

conducted to elucidate the properties of Pt.25−31 Literature revealed that hydrogen 

chemistry on electrode surfaces is closely correlated with the d-electron 

configuration of transition metals: the metal-hydrogen thermodynamic bond 

strength determines the catalytic activity for the HER-HOR.26−27 

Many studies have been performed on Pt low index, single crystal 

electrodes to better understand their structure-activity relationship.16,17,19,21,23,29,31 

In practice, however, polycrystalline electrodes composed of various facets are 

generally used. Almost all of these Pt electrocatalyst studies have been 

conducted under extreme pH conditions, using acidic (e.g., H2SO4 or HClO4) or 

alkaline (e.g., KOH or NaOH) electrolytes. In fact, an industrially relevant 

electrolyte in classical electrolyzers is 6–8 mol L−1 KOH, which overcomes the 

conductivity and corrosion problems of acidic media.12 To the best of our 

knowledge, only a few studies have comprehensively examined Pt activity at 
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various pH values in the context of HER and HOR.25 Furthermore, these works 

only minimally discuss the nature of the electrode and the reaction mechanism 

changes caused by pH.25,38,39,45 As observed with the HER and HOR formulas, 

the activity of hydronium and hydroxide ions (pH) plays crucial roles as reactants 

or products in electrocatalysis. Systematic investigations regarding the 

dependence of each reaction on hydronium and hydroxide ion activity using the 

same catalyst would lead to improved understanding of hydronium and hydroxide 

ion behavior. This type of fundamental work is most likely useful for 

photocatalytic and photoelectrochemical water splitting as well as for biological 

processes because the most suitable pH values are determined not by 

electrocatalytic performance but by semiconductor or bacteria stability, some of 

which only exhibit strong performance under near-neutral pH conditions. Thus, 

understanding the electrochemical performance of well-known electrocatalysts, 

such as Pt, in various conditions (pH) is critical.  

In this chapter, detailed kinetic studies of the HER and HOR using a 

polycrystalline Pt rotating disk electrode is demonstrated, as Pt is one of the best 

electrocatalysts available and is well represented in the literature. To confirm the 

validity of the kinetics, this work was extended to Pt nanoparticles supported on 

carbon black, which provides high Pt surface area and a more industrially 

relevant system. The present systematic investigation focused on the effects of 

hydronium and hydroxide ions activities on the HER-HOR, revealing a distinct 

mechanism switching due to the different activity of hydronium ions. This 

mechanistic switching is independent of the type of conventional supporting 
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electrolyte and is simply dependent on hydronium and hydroxide ions activity. 

The universality of the pH effects on these reactions suggests that different pH 

values primarily lead to three regimes for both HER and HOR: a fast kinetics 

regime (reactions with hydronium or hydroxide ions; only these ion activities are 

relevant), a slow kinetics regime (reactions with H2O molecules; independent of 

pH), and a thermodynamically driven regime (pH shifts the thermodynamic 

potentials, generating sufficient overpotential for H2O reactions).  

3.2. Results and Discussion 

3.2.1. Theoretical Thermodynamic and Kinetic Aspects 

The equilibrium potential for the HER (Equation 3.3) and its reverse HOR 

(Equation 3.1) theoretically follows the Nernst equation: 

 
   

 
 

+
3

2 2

H O

0

H O H

lneq

aRT
E E

nF a p
. (3.4) 

For the typical conditions used in this chapter, Equation 3.4 can be represented 

by Equation 3.5 using pH (= +
3H O

log( )a ), R = 8.31 J mol−1 K−1, n = 2, T = 298 K, 

and F = 96500 C mol−1, as follows: 

     
20 H0.0591 pH 0.0128 lnE E p . (3.5) 

Under saturated hydrogen conditions, where the fugacity of hydrogen can be 

assumed to be unity, the pH dependence on HER thermodynamics corresponds 

to E = E0 − 0.0591 pH, i.e., the potential shift with respect to pH is −59.1 mV 



124 
 

pH−1. This pH effect on equilibrium potential is applicable to all reactions in which 

hydronium or hydroxide ions are involved. By definition, the HER at pH values of 

0 and 14 correspond to 0 and –0.828 V vs. standard hydrogen electrode (SHE), 

respectively. On the reversible hydrogen electrode (RHE) scale, 0 V vs. RHE is 

defined as the HER-HOR equilibrium potential at a given pH. In this chapter, two 

potential regions were investigated by focusing on negative potentials vs. RHE 

for the HER and on ca. −0.05 to +1.3 V vs. RHE for the HOR.  

For kinetic analysis of the electrochemical reactions, the effects of pH on 

the rate-determining steps (rds) and activities over Pt electrodes were evaluated. 

The following Tafel relation has been widely confirmed experimentally: 

  logb j a , (3.6) 

where η denotes the overpotential and j is the current density. The Tafel slope b 

provides insights into the rate-determining step (detailed discussion on the Tafel 

slope is provided in Chapter  2). Notably, in this study, all of the current densities 

were calculated using the geometric electrode surface area (0.071 cm2). 

3.2.2. Hydrogen Evolution Reaction (HER) using Pt disk 

Cyclic voltammetry measurements for the HER (Equation 3.3) under Ar 

over polycrystalline Pt disk and Pt/C electrodes were conducted, and the 

polarization curves are shown in Figure  3.1a and b, respectively. In these figures, 

a cathodic current was observed below 0 V vs. SHE in acidic solutions, pH 

ranging from 1 to 3. As the pH was increased to 7, limiting diffusion currents were 



125 
 

observed at approximately −0.3 to −0.6 V vs. SHE. At more negative potentials, a 

further monotonic increase in reduction current was measured, consistent with 

the observations in previous reports.25,38,39 Finally, in alkaline solutions, the 

limiting diffusion current was no longer observed, and the current increased 

monotonically.  

 

Figure 3.1. Linear sweep voltammograms for (a) Pt disk and (b) Pt/C electrodes 

at 3600 rpm; and (c) polarization curves for a Pt disk electrode at pH 4 and 1600 

to 3600 rpm (conditions: Ar, 0.5 mol L−1 Na2SO4, 298 K, and −50 mV s−1). 
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This limiting diffusion current region under near-neutral pH conditions can be 

explained by different hydronium ion activities. At low pH, where hydronium ion 

activity is sufficient, only the hydronium ion reduction occurs without reaching 

limiting diffusion conditions (rapid kinetics on Pt). Polarization curves over Pt 

disks for the HER at pH 4 with different rotation speeds are shown in Figure  3.1c. 

Notably, the potential scale in the figure is RHE, which is aimed at clarifying the 

onset potential. The first reduction current in this figure was observed starting at 

approximately 0 V vs. RHE, consistent with the data at pH 1 and 2, such that this 

current can be assigned to the hydronium ion reduction. When sweeping to more 

negative potentials, low hydronium ion activity led to diffusion limited conditions, 

in which the transport of hydronium ions to the catalyst surface determines the 

electrocatalysis rate. The diffusion nature was confirmed by the fact that the 

observed constant currents were affected by the disk-rotation speed in the RDE 

configuration (Figure  3.1c). Further reduction currents at more negative potential 

were likely ascribable to the reduction of water molecule as a reactant, due to 

insufficient hydronium ion activity for the substantial electric current observation. 

This two-step reduction process observed at pH 3−5 suggests that a more 

negative potential is required to reduce water molecule than hydronium ions due 

to the different Pt electrode kinetics. Further increasing pH led to water reduction 

alone due to the lack of hydronium ion activity.  

3.2.3. Hydrogen Oxidation Reaction (HOR) using Pt Disk 

CV measurements for hydrogen oxidation reaction (HOR) were also 

conducted. Polarization curves using Pt disk and Pt/C electrodes for the HOR at 
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3600 rpm with H2 bubbling are shown in Figure  3.2a and b, respectively, in the 

potential rang of −0.05 to 1.3 V on the RHE scale. Sharp increases in HOR 

currents with positive potential shifts were observed at all pH values, followed by 

limiting diffusion currents. Notably, under near-neutral pH conditions, two 

different types of limiting diffusion currents were most likely observed: (1) ranging 

from −0.5 to −0.3 V and (2) above −0.3 V vs. SHE. These observations are 

consistent with previous reports.25,39,40  

 

Figure 3.2. Linear sweep voltammograms for HOR using (a) Pt disk and (b) Pt/C 

electrodes at a rotation rate of 3600 rpm in the positive direction (conditions: H2, 

0.5 mol L−1 Na2SO4, 3600 rpm, 298 K, and 50 mV s-1). 

The HOR is known to proceed via oxidation of hydrogen by water molecule 

or hydroxide ion. Under alkaline conditions, the HOR with hydroxide ions can be 

expressed as follows: 

(Tafel) 
2

H 2M 2H-M  , (3.7) 
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(Heyrovsky) 
2 2

H OH M  H-M H O e      , (3.8) 

(Volmer) 
2

H-M OH   H O e M     . (3.9) 

When hydroxide ion activity is low (near-neutral and acidic conditions), the HOR 

can be described as follows: 

(Tafel) 
2

H 2M 2H-M  , (3.10) 

(Heyrovsky) 
2 2 3

H H O M H-M H O e      , (3.11) 

(Volmer) 
2 3

H-M H O H O e M     .  (3.12) 

In acidic solutions with pH values ranging from 1 to 5, the observed currents 

increased sharply when sweeping to a more positive potential, as shown in 

Figure  3.2a. Thus, unambiguously extracting the Tafel relation from this region is 

not possible in the current condition. Because the HOR was limited by hydrogen 

or hydroxide ion diffusion, the observed current was composed of mass transport 

and kinetic currents. The mass transport limiting currents can be theoretically 

expressed by the following Levich equation: 

    2 3 1/2 1/6 1/20.620
L
i nFAD C B ,  (3.13) 

where iL is the so-called Levich current; n denotes the number of involved 

electrons; A represents the electrode surface area; D is the diffusion coefficient; 

ω defines the disk electrode rotation speed; v is the kinematic viscosity; and δC 

represents the surface and bulk concentration difference. The overall current, i, 
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composed of kinetic current, ik, and mass transport current, iL, is described by the 

following Koutecky-Levich (KL) equation: 

 1 1 1
k L

i i i . (3.14) 

Using this equation, the kinetic current was extracted, and the Tafel slope b and 

10−a/b were evaluated as a function of pH, as shown in Figure  3.3. Under acidic 

conditions (pH 1–5), the HOR rate was so rapid that the observed current 

reached the diffusion-limiting region without providing a clear Tafel relation. 

Markovic et al. suggested that, because the kinetics of the HOR is rapid at pH 1 

to 4, the concentration overpotential created by its own reaction could not be 

neglected.25 Hence, the pH range from 6 to 13 will be considered here. 

 

Figure 3.3. Tafel slopes (b, left axis) and 10–a/b values (right axis) as a function of 

pH for HOR with Pt disk (solid) and Pt/C (open) electrodes, as extracted from the 

polarization curves in 0.5 mol L−1 Na2SO4 and with H2 bubbling. 
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Notably, the Tafel relation in this figure was extracted at approximately 1 mA 

cm−2, which was derived from the HOR with the water molecule under near-

neutral pH conditions and the HOR with the hydroxide ions under alkaline 

conditions. At an approximate pH of 10, the observed dependence of the Tafel 

slope b and 10−a/b on pH varied significantly due to the change in reactant from 

H2O to OH−. Near-neutral pH values produced low 10−a/b, and a Tafel slope b of 

approximately 60 mV dec−1 was observed for both the Pt disk and Pt/C 

electrodes. At higher pH, 10−a/b generally increased, and the Tafel slope varied 

between the Pt disk and Pt/C electrodes. In this pH region, H2 begins to react 

with OH− rather than H2O, and drastic kinetic alternations might occur. Equations 

3.7−3.9 describe HOR under alkaline conditions, and if Equation 3.8 or 3.9 

determines the overall current, the kinetic dependence on hydroxide ions should 

be positive. Detailed discussion on the Tafel slope is provided in Chapter  2. 

To better understand this pH dependence, the available Pt surface was 

evaluated via the measured limiting diffusion currents. The KL equation 

(Equation 3.14) contains the concentration (δC) and accessible surface area (A) 

as variables for the limiting diffusion currents. The Levich slopes B for the HOR 

are plotted as a function of pH in Figure  3.4. Two limiting diffusion current types 

were extracted at −400 mV vs. SHE for OH− (< pH 11) and at 100 mV vs. SHE 

for OH−/H2. Slope B at −400 mV vs. SHE was smaller at near-neutral pH (OH− 

limiting) and then gradually increased to reach almost constant values (H2 

limiting, pH 11–13). In contrast, the accessible surface area for hydrogen, at 100 

mV vs. SHE, was nearly constant at any pH (H2 diffusion limited). These 
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observations clearly suggest hydroxide ion involvement in the HOR and also 

imply that Pt presents an almost similar electrocatalytically active surface area for 

H2 at various pH values.  

 

Figure 3.4. Dependence of B on pH for the HOR using Pt disk (solid) and Pt/C 

(open) electrodes (conditions: H2, 0.5 mol L−1 Na2SO4, 298 K, and 50 mV s−1).  

If the reactant that determines the limiting diffusion currents is a hydronium or 

hydroxide ion, the δC and resultant B can be altered by a factor of 10 with a 

change of one pH value. This type of change was observed in B for the limiting 

diffusion currents of the HER at −500 mV vs. SHE, as shown in Figure  3.5 (in an 

acidic region), consistent with hydronium ion limiting within this potential range. 
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Figure 3.5. Dependence of B on the pH for the HER using Pt disk (solid) and 

Pt/C (open): H2, 0.5 mol L−1 Na2SO4, 298 K, and 50 mV s−1. 

3.2.4. Influence of pH on HER-HOR Electrocatalytic Activity 

Previous sections demonstrate that both HER and HOR can be classified into 

three regions: acidic (pH 1–5), near-neutral (pH 5–9), and alkaline (pH 9–13). 

The trend is especially distinct under near-neutral conditions. Figure  3.6a shows 

polarization curves at pH 7 in Ar or H2 at 3600 or 4900 rpm. This figure illustrates 

that the observed current is independent of disk-rotation speed, confirming an 

apparent absence of a diffusion limitation (insufficient hydronium ion activity to 

observe substantial hydronium ion reduction currents). According to the 

Nernstian relationship between the equilibrium potential and the H2 pressure 

term in Equation 3.5, the HER onset potential in H2 is expected to be more 
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negative than that in Ar. The onset potential of the HER in H2 was indeed 

observed at more negative potentials than in Ar (Figure  3.6a).  

 

 

Figure 3.6. (a) Polarization curves over Pt disk electrodes at pH 7 in Ar or H2 at a 

disk-rotation rate of 3600 or 4900 rpm. A practical pH evaluation based on the 

polarization curves in H2 at a rotation rate of 3600 rpm and a sweep rate of 50 

mV s−1 in the (b) positive and (c) negative directions at 298 K. 

To reflect this effect, the onset potentials that reached 0 mA cm−2 in H2 are 

identified by the circles in Figure  3.6a labeled with “p to n” and “n to p”, the 
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negative and positive direction scans, respectively. These potentials can be 

defined as the exact onset potentials for HER and HOR with water molecule. 

Notably, the potential scale in the figure is RHE to specifically describe the 

symmetric nature of the HER/HOR on the Pt. The obtained potentials are plotted 

as a function of pH for both positive (Figure  3.6b) and negative (Figure  3.6c) 

polarization with bubbling H2. Based on Equations 3.4 and 3.5, the onset 

potentials should follow the Nernstian slope of 59.1 mV pH−1 if no kinetic 

limitations and no concentration gradients exist. As expected, a linear 

relationship with a slope of approximately 57−59 mV pH −1 was observed in pH 

ranges 1−5 and 9–13, consistent with the Nernstian correlation with small 

overpotentials. In contrast, the potentials under near-neutral conditions were pH-

dependent, generating approximate −0.55 and −0.3 V vs. SHE onsets for HER 

and HOR, respectively. These quantitatively measured pH-independent onset 

potentials for the HER and HOR most likely reflect the true electrocatalytic 

activity of Pt under these conditions. 

It should be noted that interpretation of such pH dependence of the 

HER/HOR are still under debate.25,39,40 Simply, the Nernst-Planck equation can 

describe the pH dependence as in Figure  3.6, with an assumption that 

+
3H O OH w

a a K  holds true. However, in a dynamic situation, where the 

consumption/production of the hydronium and hydroxide ions occur on the 

surface of the electrodes, the assumption may require justification. On the other 

hand, a microkinetic description of “hydronium ion reduction and water molecule 
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reduction” together with “HOR with water and hydroxide ion” also reproduces the 

experimental observation, which does not require such assumption. In this case, 

the pH independence at near-neutral pH originates from the water reduction, 

which kinetically do not depend on the pH. 

The effects of pH on not only the onset potential but also the potentials at 

higher current regions were then evaluated. Potentials reaching −4 mA cm−2 at 

various pH values are displayed in Figure  3.7. The potentials that produced this 

HER current were nearly unaffected by the supplied Ar and H2 gases at all pH 

values compared to the changes in these values caused by the change of pH. 

 

Figure 3.7. Overpotential required for the (a) Pt disk or (b) Pt/C electrodes to 

reach –4 mA cm−2 of the HER in 0.5 mol L−1 Na2SO4 electrolyte with Ar or H2 

bubbling at rotation rate of 3600 rpm and −50 mV s−1 (298 K). 

Figure  3.7 also shows that under acidic conditions (pH 1–3), in which hydronium 

ion reduction is dominant, almost no difference was observed in the required 
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overpotential vs. RHE, as shown by the linear correlation with a slope of −59.1 

mV pH−1. In the current region of −4 mA cm−2, the HER switched from hydronium 

ion to water reduction at ~pH 4, as shown in Figure  3.1. Thus, this reaction 

switch might have caused the drastic potential change at pH 4. The overpotential 

on the SHE required to obtain −4 mA cm−2 became nearly constant in the pH 

range of 4–11. As demonstrated, a substantial overpotential is required to reduce 

water molecule to H2 under near-neutral conditions. Interestingly, at alkaline pH 

(11–13), the potential required for water reduction (vs. RHE) was similar to that 

required at acidic pH (1–3).  

For the HOR, the activity dependence on pH is summarized in Figure  3.8, 

where the potentials needed to obtain 1 mA cm−2 are plotted as a function of pH. 

Figure  3.2 indicates that HOR proceeded with hydroxide ions in alkaline media 

(pH 11–13) and with water at pH values <10. Likewise, Nernstian relationships 

for the obtained potentials were observed in the alkaline (11−13) and acidic (1–4) 

regions, but additional kinetic overpotentials for the HOR were clearly observed 

at near-neutral pH values (4–10) and were independent of pH within this range. 

This pH-dependent potential shift is consistent with the onset potential discussed 

in Figure  3.6 and Figure  3.7. 
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Figure 3.8. Activity dependence on pH for HOR over Pt disk (solid) and Pt/C 

(open) electrodes in 0.5 mol L−1 Na2SO4 electrolyte with H2 at a rotation rate of 

3600 rpm and positive direction sweep rate of 50 mV s−1 (298 K). 

3.2.5. HER and HOR in Various Supporting Electrolytes 

The requirement of substantial overpotential for the HER and HOR under 

near-neutral pH conditions can be explained by strong contributions of the 

supporting electrolyte rather than of hydronium and hydroxide ions. In this case, 

the supporting electrolyte, i.e., Na+ or SO4
2− in this study, might be responsible 

for the slow reaction kinetics on Pt. To investigate the effect of ions on 

HER/HOR, both reactions were conducted in various electrolyte solutions using 

Pt disk electrodes, and the potentials to obtain −1 mA cm−2 and 1 mA cm−2 for 

the HER and HOR are plotted as a function of pH in Figure  3.9a and Figure  3.9b, 

respectively.  
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Figure 3.9. Onset potentials for (a) HER and (b) HOR compiled against pH levels 

in various supporting electrolytes at a rotation rate of 3600 rpm and −50 mV s−1. 

As shown, the potentials in various near-neutral electrolytes were pH-

independent, which clearly demonstrated that the HER and HOR activities under 

near-neutral pH conditions were not affected by ions. This observation implies 

that the HER-HOR activity shift from 59 mV pH−1 was not caused by these ions.  

3.2.6. Mechanistic Insight into HER using a Pt Electrocatalyst 

Based on the universal classification of reaction activity, this section 

attempts to address whether the HER mechanism differs based on these 

classifications. Using the current range of approximately −1 mA cm−2 for the HER 

shown in Figure  3.1, the b and 10–a/b of the Tafel relation (Equation 3.6) were 

evaluated, and these values are summarized in Figure  3.10.  
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Figure 3.10. Tafel slope b (left axis) and 10–a/b (right axis) as a function of pH for 

HER over a) Pt disk or b) Pt/C electrodes, as extracted from the polarization 

curve (conditions: Ar, 0.5 mol L−1 Na2SO4, and 298 K). 

The HER via hydronium ion reduction in acidic conditions was reported to 

proceed through the following reaction steps:  

(Volmer) 3 2
H O e M H-M H O     , (3.15) 

(Heyrovsky) 3 2 2
H-M H O e H H O M      , (3.16) 

(Tafel) 
2

2H-M H 2M  . (3.17) 

When the rate-determining step is the Volmer, Volmer-Heyrovsky, or Volmer-

Tafel step, the Tafel slope b is calculated to be 120, 120 to 40, or 30 mV dec−1, 

respectively, based on the assumption that the electron transfer coefficient α is 
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0.5 and the surface coverage is constant (see Chapter  2).6,28,30,31,34−38 At acidic 

pH, the measured slope value was approximately 42 mV dec−1, consistent with 

the Volmer-Heyrovsky step as the rate-determining step. As pH is increased, the 

corresponding steps for water molecule reduction occur as follows.  

(Volmer) 2
H O e M H-M OH     , (3.18) 

(Heyrovsky) 2 2
H-M H O e H OH M      , (3.19) 

(Tafel) 
2

2H-M H 2M  . (3.20) 

The slope increased to approximately 120–140 mV dec−1 at pH values ranging 

from 6 to 8, consistent with a single electron transfer to reduce H2O as the rate-

determining step (Equation 3.18). At the transition from acidic to near-neutral 

conditions, the rate-determining step for the HER via hydronium ion reduction 

changes from the Volmer-Tafel or Volmer-Heyrovsky to the Volmer step 

(Figure  3.10, acidic area towards neutral area). Further increasing pH to >9 led to 

a drastic decrease in the slope values compared to neutral conditions. When the 

Pt disk electrodes were used in alkaline conditions (pH 9–13), the Tafel slope 

values were almost constant at ~60 mV dec−1. In contrast, for Pt/C electrodes 

under alkaline conditions, the Tafel slopes decreased with increasing pH. 

Likewise, 10–a/b changed depending on the pH, as shown in Figure  3.10 (right 

axis). The 10–a/b values were higher at acidic pH than at neutral pH values using 

both Pt disk and Pt/C electrodes (10−a/b is 5–8 at pH 1 and <1 under near-neutral 

pH conditions). Notably, the 10−a/b values described in this study are expressed 
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in terms of geometric surface area. At alkaline pH (9–13) using Pt disk 

electrodes, a maximum 10−a/b value of 2.3 was obtained at pH 11 and then 

decreased with increasing pH, whereas a maximum 10−a/b value was obtained at 

pH 12 using Pt/C electrodes. This volcano-shaped trend of 10−a/b with Pt 

electrocatalysts in alkaline media is in reasonable agreement with previous 

reports,40,41 in which a maximum 10−a/b was reached at an approximate pH of 13. 

An explanation for this maximum has not yet been clarified. However, a few 

hypotheses have been extended, including the influence of hydroxide ions on Pt-

H bond strength and the decreasing solubility of hydrogen in strongly alkaline 

media.44,45  

As described in Figure  3.6, we now know that a pH-independent 

requirement of overpotential for the HER over Pt electrodes exists and is 

approximately −550 mV vs. SHE. This finding can be explained as follows: As 

has been discussed, the water molecule reduction is evidence for the HER at 

near-neutral pH level. When the HER at acidic and alkaline pH levels were 

compared, hydronium ion reduction (at acidic pH) was found to be more facile 

than the water molecule reduction (at alkaline pH), as summarized in 

Figure  3.11. Under alkaline pH conditions, the sluggish nature of the HER is 

ascribable to the difficulty in the water dissociation step,46,47 which can be 

described as: 

2
H O e M ...rds   . (3.21) 
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Figure 3.11. Linear sweep voltammograms over a polycrystalline Pt disk 

electrode at 3600 rpm in 0.1 mol L−1 HClO4 and KOH electrolytes (conditions: H2, 

298 K, and −50 mV s−1). 

Since the water molecule reduction most likely proceeds at near-neutral pH level 

to obtain substantial reaction rate as described, the same argument would be 

applicable: the HER at near-neutral pH level is limited by the water dissociation 

step. If such is the case, the reaction kinetics naturally become pH independent, 

since no hydronium or hydroxide ion is involved in the rate description. 

Additionally, the pH independent HER under near-neutral pH conditions inferred 

that the (absolute) electron chemical potentials should serve a crucial role. When 

this rationale is expanded to alkaline conditions, it is implied that the electrons 

have sufficient kinetic potential to promote the reaction, but the thermodynamic 

reaction is unable to proceed at −550 mV vs. SHE, which is more positive than 
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the equilibrium potential of HER-HOR > pH 9. This is likely the reason why the 

onset potential for the HER at alkaline pH again followed −59.1 mV pH shift, as in 

Figure  3.6. 

The same argument can be made regarding HOR. Under near-neutral pH 

conditions, the HOR is limited by the rate-determining step associated with H2O 

molecules (i.e., overpotential of −300 mV vs. SHE, as kinetically determined 

using Pt; Figure  3.6). When the pH is sufficiently low, the thermodynamic 

potential becomes more positive than this value, and the HOR occurs via a 

thermodynamically driven reaction, with sufficient overpotential provided by the 

Pt kinetic potential.  

These results suggest that a substantial pH-independent overpotential 

requirement exists for Pt electrocatalysis under near-neutral pH conditions, which 

is characteristic of the electrocatalyst. Three switching mechanisms have 

generally been observed for both HER and HOR. These classifications have 

originated from 1) rapid kinetics on Pt electrodes (hydronium ion for the HER; 

hydroxide ion for the HOR), 2) slow kinetics on Pt electrodes (reactions with 

water molecules at near-neutral pH; pH-independent), and 3) thermodynamically 

driven kinetics on Pt electrodes, producing sufficient kinetic overpotentials 

(reaction with water molecule involved). The HER under alkaline conditions is 

largely driven by the thermodynamic potential, where the kinetically limited onset 

potential becomes more negative than the kinetic potential of Pt for HER 

(approximately −0.55 V vs. SHE). The same argument can be applied to the 
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HOR under acidic conditions, where the thermodynamic potential becomes more 

positive than the kinetic potential of Pt for HOR (approximately −0.30 V vs. SHE).  

3.3. Summary 

In this chapter, the effects of pH on the HER and HOR kinetics were studied 

over polycrystalline Pt disk electrodes and Pt nanoparticles supported on carbon 

black electrodes under various pH conditions and with various supporting 

electrolytes. Present kinetic analyses demonstrated that HER and HOR activity 

can be classified into three pH regions: acidic (1−5), neutral (5−9), and alkaline 

(9−13). Low overpotentials for both HER and HOR were observed under acidic 

and alkaline conditions, whereas under near-neutral conditions (pH 5–9), the 

overpotentials for the HER and HOR deviate from the values expected from the 

Nernst equation (59.1 mV pH−1). Under near-neutral pH conditions, the HER and 

HOR activities remained unaffected by the supporting electrolyte type, 

suggesting that the slow kinetics do not originate from the ions but from Pt 

catalyst-H2O molecule kinetics. The pH-independent kinetic potential in near-

neutral conditions was quantitatively determined to be approximately −550 mV 

vs. SHE for the HER and −300 mV vs. SHE for the HOR. The overpotentials for 

the HOR at acidic pH values and for the HER at alkaline pH values become low 

while the reactants, i.e., H2O molecules, remain the same because the 

thermodynamic potentials become more negative (HER) or positive (HOR) than 

the kinetically limited potentials for Pt. Thus, the reactions are operated at 

additional overpotentials from these Pt-kinetic potential values. The microkinetic 
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study presented in this study explains HER well in all pH regions, suggesting that 

the pH-dependent surface reaction mechanism and rate-determining step are 

most likely altered. Hence, by changing the pH, reactant identity, reactant 

activity, and reaction mechanism are altered during Pt-electrocatalyzed HER-

HOR, and thus the overall activities can be classified into three pH regions. As 

demonstrated, the HER-HOR at near-neutral pH levels requires the largest 

overpotential compared with those at acidic and alkaline pH, most likely 

originating from the lack of sufficient hydronium-hydroxyl ion activities and 

sluggish kinetics of catalyzing water molecule dissociation. In the following 

chapters, some attempts to obtain higher reaction rate at near-neutral pH levels 

are provided. 

3.4. Experimental Section 

Electrochemical activity tests for HER and HOR were conducted using a 

rotating disk electrode (RDE) system. A Pt disk with a 0.071 cm2 geometric 

surface area was purchased from BAS Inc. For the Pt/C electrochemical 

measurements, 36.7 wt% Pt/C powder was purchased from TANAKA 

KIKINZOKU KOGYO and used after being deposited onto a glossy carbon (GC) 

disk purchased from BAS Inc. (0.071 cm2 geometric surface area). For the 

preparation of Pt/C ink, 33.7 mg of Pt/C powder was dispersed in a 5 mL, 40 

vol% ethanol/water solution and sonicated for 30 min. Next, 1.0 μL of this ink was 

deposited onto a GC disk electrode (35 μg Pt cmGC
−2). The electrode was then 

treated under open air conditions for 1 h at 473 K. To fix the catalyst onto a GC 
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disk, 3.8 μL of 0.05 wt% Nafion®/ethanol was pipetted onto a Pt/C supported GC 

disk electrode. This electrode was further treated under open-air conditions for 1 

h at 453 K. For all measurements using Pt and Pt/C GC disks, a 0.5 mol L−1 

Na2SO4 solution was used, the pH of which was adjusted with H2SO4 or NaOH. 

CV measurements were performed using a 16 channel, research grade 

potentiostat system (VMP3) from BioLogic Science Instruments. A three-

electrode system was employed, using a KCl saturated Ag/AgCl electrode and 

platinum wire as the reference and counter electrodes, respectively. Before and 

during all CV measurements, Ar or H2 was continuously supplied. The disk 

rotation speed was controlled at 100–4900 rpm. All of the current densities 

described in this report are expressed in terms of the geometric electrode surface 

area. To exclude electrolyte resistance effects, the ohmic resistance was 

evaluated through highly polarized i-V curve construction. Using the i-V 

relationship slope, all the current relationships described in this report have been 

iR corrected except for the original polarization curves. 
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4. A Strategy towards Improving Hydrogen Production under Unbuffered 

Near-Neutral Conditionsd 

Insufficient hydronium ion activities at near-neutral pH under unbuffered 

conditions induced limiting diffusion currents for the hydrogen evolution reaction 

(HER), which is ascribable to hydronium ion reduction. At substantially negative 

potentials (e.g., below −550 mV on the standard hydrogen electrode scale for the 

polycrystalline Pt electrode), further reduction current was present that is 

ascribable to water molecules reduction. The potential required to reduce the 

water molecule under such conditions are pH independent, which is ascribable to 

the intrinsic electrocatalytic reactivity of the electrodes for water reduction. 

Essentially, the water molecule reduction at near-neutral pH is sluggish most 

likely due to the difficulty in water dissociation step. In this chapter, a catalyst 

design strategy to facilitate the dissociation step is provided, demonstrating a 

drastically improved HER performance at near-neutral pH. 

4.1. Introduction 

The hydrogen evolution reaction (HER) using Pt electrocatalysts has been 

thoroughly investigated under both extremely acidic and alkaline pH conditions,1–

13 including solutions of H2SO4,
4−9 HClO4,

9−11 NaOH5,
6,9 and KOH.10−13 In these 

cases, a monotonic increase in HER currents is observed as the overpotential 

increases, with onset potentials close to 0 V on the reversible hydrogen electrode 

                                                           
d
 This chapter was adapted from T. Shinagawa and K. Takanabe, Phys. Chem. Chem. Phys., 2015, DOI: 

10.1039/c5cp02330k. 
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(RHE) scale using a Pt catalyst. On the contrary, only a few studies have been 

reported under near-neutral pH conditions, using KClO4
14 or Na2SO4

15 as a 

supporting electrolyte. At near-neutral pH, two-step HER currents are observed, 

which would result from the limiting diffusion current due to hydronium ion 

consumption followed by water reduction at more negative potentials.14,15 

Essentially, water molecule reduction requires a larger overpotential than does 

hydronium ion reduction under near-neutral pH conditions. This phenomenon 

simply originates from the property of electrolyte (pH), which is applicable to 

microbial fuel cells, photoelectrochemistry and photocatalysis, and other aqueous 

electrocatalytic reactions involving hydronium or hydroxide ion.16−19 Particularly 

as for photocatalytic water spitting, where pure water is electrolyzed, the reaction 

condition is unbuffered near-neutral pH.16−18 Nevertheless, few studies can be 

found regarding detailed electrochemical study dedicated to unbuffered near-

neutral condition.14,15  

Herein in this chapter, the previous study on the influences of pH on the 

HER is extended with a focus on near-neutral pH level. The present analyses 

revealed that the pH independent HER onset potential at near-neutral pH existed 

over different electrocatalysts, which confirmed the hypothesis that the pH 

independence originates from the catalyst nature. Quantitatively, a Pt exhibited 

−550 mV whereas a Ni electrode showed −620 mV on the standard hydrogen 

electrode (SHE) scale. Thus most likely the reactant for the HER at near-neutral 

pH is ascribable to water molecule. A simple Pt modification with Ni drastically 

improved the HER performance at near-neutral pH, likely originating from 
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facilitated water dissociation step at the interface between Pt and Ni as reported 

for the HER at alkaline pH level. This chapter demonstrates a rational approach 

towards realization of efficient hydrogen production in unbuffered near-neutral pH 

conditions. 

4.2. Results and Discussion 

4.2.1. Impact of pH on the Hydrogen Electrodes 

In Figure  4.1, the onset potentials (defined in this study as a potential 

reaching −0.25 mA cm−2) for the HER using a Pt disk electrode in 0.5 mol L−1 

sodium sulfate solution were shown as solid orange symbol, which was taken 

from Chapter  3.15 As clearly seen, the onset potential was classified into acid (pH 

<5), neutral (5 < pH < 9) and alkali (pH > 9).  

The HER under acidic and alkaline conditions is ascribable to the 

hydronium ion reduction:  

3 2 22H O 2e H 2H O   , (4.1) 

and the water molecule reduction: 

  
2 2

2H O 2e H 2OH , (4.2) 

respectively.14,15 The origin of the observed transition at pH 5 and 9 will be 

addressed later in details. 
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Figure 4.1. Onset potentials (defined as the potential reaching −0.25 mA cm−2) 

for the HER using Pt (taken from the previous study15) or Ni disk electrode as a 

function of pH in sulfate electrolyte solutions (conditions: −50 mV s−1, 3600 rpm, 

298 K). The concentration distribution of sulfate-ion species is also displayed.  

4.2.2. Origin of the Transition pH from Acidic to Near-Neutral 

Theoretical description of limiting diffusion currents in the rotating disk 

electrode (RDE) configuration is given by the Levich equation: 

    2 3 1/2 1/6 1/20.620
L
i nFAD C B , (4.3) 

and the overall current is described by the following Koutecky-Levich equation: 

 1 1 1
k L

i i i , (4.4) 
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where iL, ik and i are the Levich, kinetic and overall currents, respectively, F is the 

Faraday constant, A represents the electrode surface area, ω denotes the disk 

electrode rotation speed, ν is the kinematic viscosity and δC represents the 

difference between surface and bulk concentrations. Using these equations with 

F = 96500 C mol−1, ω = 377 s−1 (≈3600 rpm), υ = 8.93×10−3 cm2 s−1, D(H3O
+) = 

9.31 ×10−5 cm2 s−1, D(OH−) = 5.24 ×10−5 cm2 s−1,20 the theoretical limiting 

diffusion currents were calculated as shown in Figure  4.2a.  

 

Figure 4.2. (a) Logarithm of simulated hydronium ion (pink line) or hydroxide ion 

(violet line) limiting diffusion current density as a function of pH. (b) Calculated 

threshold pH to achieve −0.1, −1 or −10 mA cm−2 hydronium ion reduction 

limiting diffusion currents. 

In the figure, the logarithm of the simulated limiting diffusion current density (jL) is 

plotted as a function of pH. The current density of −0.25 mA cm−2 below pH 4.6 

can theoretically be obtained via hydronium ion reduction, whereas above pH 

4.6, water molecule reduction is evident because −0.25 mA cm−2 is higher than 
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the theoretical hydronium ion diffusion limited current density, where only 

negligible hydronium ion reduction currents can be observed. This theoretical 

transition pH of 4.6 agrees well with our experimental observation of pH 5. Slight 

differences between simulation and experiment originate from non-Faradaic 

currents and small errors from measured kinetic currents. Similarly, the same 

argument can be applied for hydroxide ion limiting diffusion currents, giving a 

transition at pH 9.5 under the same condition (Figure  4.2a, violet line). Notably, 

although this rationale is regarding RDE configuration, it can be generalized by 

consideration of diffusion layer thickness. Using the Fick’s law, the mass 

transport can be generally expressed as follows: 




L

C
i nFDA

x
. (4.5) 

This equation can be described in a different way: 


 

   
 

pH log Lj x
nFD

. (4.6) 

This leads to a reactant switching according to pH = 2.3 – log(jL δx) for 

hydronium ion and pH = 12.0 + log(jL δx) for hydroxide ion (jL in mA cm−2, δx in 

mm). In the RDE configuration, by comparing Equation 4.5 with Equation 4.3, the 

diffusion layer thickness can be defined as: 

   1 3 1/6 1/21.62x D . (4.7) 
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Using Equations 4.6 and 4.7, the theoretical pH threshold can be described at a 

given limiting diffusion current density and diffusion layer thickness (i.e., 

corresponding to disk-rotation speed in RDE configuration), as shown in 

Figure  4.2b. As representative cases, current densities of −0.1, −1 and −10 mA 

cm−2 are chosen. This figure clearly shows that, for instance, to observe a current 

density higher than −10 mA cm−2 of hydronium ion reduction with a diffusion 

thickness of 0.5 mm (≈400 rpm), theoretically the bulk pH should be more acidic 

than 1.6 (using flat bulk electrode). Without using a RDE system or stirring, the 

hydronium ion reduction cannot exceed the current density of −10 mA cm−2, even 

at pH 1.6 in unbuffered electrolyte solutions. 

4.2.3. Origin of the Transition pH from Near-Neutral to Alkaline 

To elucidate the origin of transition pH at 9, the onset potentials at near-

neutral pH 5–9 shown in Figure  4.1 will be revisited. One may assume that this 

constant potential results from the concentration overpotential. In the case of the 

HER, for example, the consumption of hydronium ion may lead to a local pH 

increase. The intercept of pH independent potential of Pt (−550 mV vs. SHE) with 

0 V vs. RHE gives pH ~9, indicative of possible shift to this pH locally. It should 

be noted that it cannot be higher than pH 9 because the HER cannot 

thermodynamically proceed above 0 V vs. RHE. The local pH shift and its 

resultant concentration overpotentials should be solely dependent on current 

density, irrespective of the catalysts; i.e., in this case, the local pH increase up to 

9 at −0.25 mA cm−2 should always be observed irrespective of catalysts. To 

confirm this point, experiments with Ni disk electrodes were conducted at various 
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pH levels. The open orange symbol in Figure  4.1 presents HER onset potentials 

using Ni disk electrode as a function of pH. A constant HER onset potential of 

−620 mV vs. SHE was observed over the Ni electrocatalyst under near-neutral 

pH conditions until the transition pH of around 10. In the literature,14 Au 

electrodes are also reported not to show such a transition at pH 9. These results 

indicate that the catalyst nature determines the constant onset potential and 

resultant transition pH rather than the local pH gradient. Although some 

contribution of local pH gradient up to 9 cannot be excluded, the local pH change 

cannot solely explain the constant onset potential. Hence, it is concluded that the 

constant onset potential is prevalent because of lack of hydronium ion, which in 

turn causes the reduction of water molecules (pH independent). The pH 

independent HER onset potential is determined by the identity of the catalysts 

(intrinsic electrocatalytic activity) for the water molecule reduction. 

4.2.4. Strategy toward Improved Hydrogen Production at Near-

Neutral pH 

Theoretically and experimentally, an insight in the transition pH of 5 and 9 

was addressed in the previous sections for Pt electrocatalysts at 3600 rpm. 

Based on the aforementioned consideration, the water molecule rather than the 

hydronium ion has to be reduced to observe substantial cathodic currents under 

near-neutral pH conditions. As recently reported, addition of Ni(OH)2 islands onto 

HER catalysts (e.g., Pt) facilitates the dissociation of water molecule, resulting in 

drastic improvement of water reduction under alkaline conditions.21,22 Herein this 

concept is applied in this study to improve the water reduction activity under 
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unbuffered near-neutral pH conditions assuming that the same proposed 

mechanism is prevalent. Modification of Pt with Ni was carried out by a simple 

electrochemical deposition method. Ni was deposited onto Pt/C loaded on glassy 

carbon (GC) electrode (35 μgPt cmGC
−2) in an electrolyte solution composed of 

0.1 mol L−1 Na2SO4 and 0.05 mol L−1 NiSO4 with applying constant current of 

−56.6 μA at 298 K. Deposition time and heat treatment temperature after the 

deposition were varied between 20−240 s and 343−453 K, respectively. In 

Figure  4.3a, linear sweep voltammograms using Pt/C electrocatalysts with and 

without Ni modification are shown. As a representative case, Ni modification 

performed for 120 s and heat treated at 473 K is depicted. Irrespective of Ni 

modification, cathodic currents started to be observed below ca. −550 mV vs. 

SHE and the Ni modified Pt/C showed higher cathodic currents. To achieve −10 

mA cm−2, the required potentials for the Pt/C and Ni/Pt/C were −750 and −700 

mV vs. SHE, respectively. This clearly suggests that incorporation of Ni species 

onto Pt/C drastically improved water reduction activity. The effects of Ni 

deposition time and heat treatment temperature on the HER overpotential are 

compiled in Figure  4.3b and Figure  4.3c, respectively. With increasing deposition 

time up to 120 s, the required overpotential to achieve −10 mA cm−2 was 

decreased whereas further increasing deposition time led to poorer activity, 

apparently because of block of Pt surfaces. The heat treatment temperature has 

also significant influences on the HER performances: with increasing the 

temperature, the activity was enhanced.  
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Figure 4.3. (a) Linear sweep voltammograms using bare and Ni modified Pt/C 

(deposition for 120 s, heat treated at 453 K) in 0.5 mol L−1 Na2SO4 at pH 6, and 

the potentials reaching −10 mA cm−2 using Ni modified Pt/C (b) as a function of 

Ni deposition time (heat treatment at 453 K), and (c) as a function of heat 

treatment temperature (conditions: with H2 bubbling, −50 mV s−1, 3600 rpm, 298 

K). 

According to the Levich equation (Equation 4.3), the limiting diffusion 

currents should have a proportional relationship with the active surface area. The 

limiting diffusion currents of hydrogen oxidation reaction for the Ni-Pt samples 
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treated at different temperatures were compared assuming that the obtained 

active surface area is associated with hydrogen evolution reaction. The obtained 

similar limiting currents suggest that the active surface area were not significantly 

changed by heat treatment. Underpotential adsorption/desorption of the 

hydrogen measurable in inert gas atmosphere was interfered with the Ni redox 

couples appearing in the same potential range. It should be noted that due to the 

thermal instability of Teflon used for the RDE, the heat treatment temperature 

could not be raised higher than 473 K. More complexity arises from the fact that 

the heat treatment below 473 K was reported to remove water from Ni hydroxide 

structure, but this process is known to be reversible.23,24 At this stage, it is 

anticipated that the mild heat treatment improved the contact between Ni and Pt, 

based on the boundary mechanism proposed,25,26 but exact reasoning of the 

heat treatment effects requires further extensive characterization of the samples. 

Both the amount of deposited Ni and the post heat treatment have optimum 

conditions. This result shows that the mechanism involved under near-neutral pH 

condition can be similar to that proposed under alkaline conditions:21,22 i.e., Ni 

species on the HER active site (Pt) would facilitate the dissociation of water 

molecules, which in turn results in the drastically improved electrocatalytic activity 

for the HER under near-neutral pH conditions. 

4.3. Summary 

In summary, the electrocatalysis of the HER in unbuffered electrolyte 

solutions at various pH revealed the reactant switching observed at pH = 2.3 – 
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log(jL δx) for hydronium ion and pH = 12.0 + log(jL δx) for hydroxide ion (jL in mA 

cm−2, δx in mm), irrespective of catalysts (diffusion components). The change of 

reactants (from hydronium ion to water molecule) is caused by insufficient 

hydronium/hydroxide ion activities and resultant negligible limiting diffusion 

currents under unbuffered near-neutral pH conditions. Under such conditions, 

pH-independent constant onset potentials were observed for the HER (−550 mV 

for Pt and −620 mV for Ni vs. SHE), indicative of the intrinsic electrocatalytic 

activity of the metals. A constant onset potential of −550 mV vs. SHE for the HER 

using Pt is equivalent to 0 V vs. RHE at pH 9.3, above which the onset potential 

is no longer constant and required additional overpotentials due to the 

thermodynamic requirements for the HER. As aforementioned, under near-

neutral pH conditions, the water molecule rather than hydronium ion is most likely 

the reactant of the HER, which can be improved by facilitating water dissociation 

step. The modification of Pt electrocatalysts with Ni indeed resulted in nearly 

doubled HER currents at comparable applied potentials. This fundamental work 

contributes to understanding of how electrolyte plays a crucial role in aqueous 

electrocatalysis, which should be essential for the advancement of the fields of 

photocatalysis, electrocatalysis and biocatalysis. The method described here can 

be regarded as one rational strategy for improving hydrogen production 

performance in unbuffered near-neutral pH conditions. 
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4.4. Experimental Section 

A Pt disk with a 0.071 cm2 geometric surface area was purchased from 

BAS Inc. 36.7 wt% Pt/C powder was purchased from TANAKA KIKINZOKU 

KOGYO and used after being deposited onto a glossy carbon (GC) disk, which 

was also purchased from BAS Inc. (0.071 cm2 geometric surface area). A Pt/C 

ink was prepared by dispersing 33.7 mg of Pt/C powder in a 5 mL of 40 vol% 

ethanol/water solution. The mixture was sonicated for 30 min, and 1.0 μL of the 

resultant ink was deposited onto a GC disk electrode (35 μg Pt cmGC
−2). The 

electrode was then treated under open air conditions for 1 h at 473 K. If needed, 

the Pt/C was decorated with Ni at this stage as follows: Ni was deposited onto 

Pt/C loaded on glassy carbon (GC) electrode (35 μgPt cmGC
−2) in an electrolyte 

solution composed of 0.1 mol L−1 Na2SO4 and 0.05 mol L−1 NiSO4 with applying 

constant current of −56.6 μA for 20−240 s at 298 K. To fix the electrocatalyst 

onto a GC disk, 3.8 μL of 0.05 wt% Nafion®/ethanol was pipetted onto a the disk 

electrode. This electrode was heat treated under open-air conditions for 1 h at 

343−453 K. For all measurements, a 0.5 mol L−1 Na2SO4 solution was used, the 

pH of which was adjusted with H2SO4 or NaOH. Electrochemical measurements 

were carried out at 298 K with cathodic scan rate of −50 mV s−1 and disk-rotation 

speed ranging from 1600 to 4900 rpm. All current-potential relationships were iR-

corrected using solution resistance measured by impedance spectroscopy 

(100−200 kHz, amplitude 10 mV, 298 K), and all the current densities are 

described in terms of geometric surface area of the bare electrode (0.071 cm2). 
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5. Impact of Solute Concentration on the Hydrogen Production under 

Buffered Near-Neutral pH Conditionse 

At near-neutral pH levels, the utilization of buffering action is crucial in 

achieving higher hydrogen production performance. This chapter discusses 

solute concentration influence on the hydrogen evolution reaction (HER) in 

sodium phosphate solutions as supporting electrolytes. The iR-free HER 

performance as a function of solute concentration was found to exhibit a volcano-

shaped trend in sodium phosphate solution at pH 5, with the maximum occurring 

at 2 mol L−1. A detailed microkinetic model that includes calculated activity 

coefficients, solution resistance, and mass transport parameters accurately 

describes the measured values, clarifying that the overall HER performance is 

predominantly governed by mass transport of phosphate ions (weak acid). In the 

HER at the optimum concentration of approximately 2 mol L−1 sodium phosphate 

at pH 5, the model predicts that the concentration overpotential accounts for 

more than half of the required overpotential. The substantial concentration 

overpotential would originate from the electrolyte property, suggesting that the 

proper electrolyte engineering will result in an improved apparent HER 

performances. The significance of concentration overpotential shown in the study 

is critical in the advancement of electrocatalysis, biocatalysis, and photocatalysis.  

                                                           
e
 This chapter was adapted with permission from T. Shinagawa and K. Takanabe, J. Phys. Chem. C, 2015, 

DOI: 10.1021/acs.jpcc.5b05295. Copyright (2015) American Chemical Society. 
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5.1. Introduction 

The generation of solar fuel has attracted tremendous attentions as a 

solution for meeting increasing future energy demands. There have been various 

promising methods proposed to produce fuels from sunlight,1,2 e.g., photovoltaic 

cells,3,4 photoelectrochemical water splitting5-9 and photocatalytic water 

splitting.8−13 Photovoltaic cells can be conjugated with electrolysers1,2 to generate 

hydrogen from water.14−18 When electrochemically splitting water into hydrogen 

and oxygen, extremely acidic19−26 or alkaline22−28 pH conditions are favored 

because higher electrocatalytic activities are generally obtained compared with 

those at near-neutral pH.29−31 The fundamental issue regarding the hydrogen 

evolution reaction (HER) and the oxygen evolution reaction under near-neutral 

pH conditions is reactant switching: hydronium and hydroxide ions are the 

reactants at acidic and alkaline pH, respectively, whereas to attain substantial 

reaction rates at near-neutral pH, water molecule must act as the reactant.29−33 

Some studies have been dedicated to achieving higher performances under 

near-neutral pH conditions using buffered solutions32,33 such as phosphate, 

borate and carbonate,34−37 in which onset potentials comparable to those at 

acidic and alkaline pH levels have been reported.32,33,37 Simply put, this result 

may originate from the maintained local pH near the electrode surfaces during 

reactions ongoing due to the buffering action. In the buffered electrolyte solution, 

the buffering action (HA = A− + H+) is rapid in both directions to reach equilibrium 

between HA and (H+ + A−), which functions to maintain a given pH level at least 

in the bulk of the solution. Alternatively, some claim that the weak acid itself acts 
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as the reactant under such conditions, although clear evidences of such “direct 

weak acid decomposition” have not yet been documented.37−40 The authors of 

such claims have shown that electric currents increase with the solute 

concentration up to 0.5 mol L−1. Although higher concentrations were not 

investigated,40 the performances under such conditions are speculated to be 

much higher. Furthermore, an electrolyte, either NaCl,37 LiClO4
38 or KCl39,40 was 

added to the solution in their system to enhance the conductivity, which might 

hinder proper understanding of the electrochemistry in buffered solutions.  

In this chapter, influences of electrolyte concentration on the HER under 

buffered near-neutral pH conditions were experimentally and theoretically 

investigated. A Pt disk electrode (0.071 cmgeo
2) was employed as a model 

catalyst and sodium phosphate was used as electrolyte solutions (0.2−4.2 mol 

L−1 at pH 5). Experimentally it was revealed that HER activities dependence on 

the solute concentration was volcano-shaped: the HER performances were 

increased with the solute concentration below 2 mol L−1, whereas further 

increasing the solute concentration led to decreased performances. A 

microkinetic model conjugated with a mass transport description showed 

excellent agreement with the experimental observation, implying that significant 

concentration overpotentials exist during the HER under buffered near-neutral pH 

conditions. According to the simulation model, the concentration overpotential 

exceeds 46% even at 0.5 mol L−1 whereas kinetic overpotential remains the 

smallest (~10%) in the entire concentration range among the considered 

overpotentials (kinetic and concentration overpotential, and ohmic potential drop) 
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due to the slow mass transport. The mass transport phenomenon is governed by 

the diffusion coefficient, which is in function of effective ionic sizes and electrolyte 

viscosity, and the activity coefficient. Tuning these three parameters is 

speculated to result in enhanced overall HER performances. This aspect shown 

in the study regarding electrochemical processes under near-neutral pH 

conditions would lead to the further advancement of electrocatalysis, biocatalysis 

and photocatalysis. 

5.2. Results and Discussion 

5.2.1. Experimentally Observed Hydrogen Production Dependence 

on the Solute Concentration in Buffered Electrolyte Solutions 

The hydrogen evolution reaction (HER) under buffered conditions (0.2–4.2 

mol L−1) will be discussed in this chapter using a polycrystalline Pt disk electrode. 

First, under the same conditions, the surface redox was investigated by cyclic 

voltammograms (CVs). Figure  5.1 compiles typical CVs, in which no substantial 

differences in CVs induced by the solute concentration were observed, revealing 

little effect of the buffered solution concentration on the surface redox. 

Importantly, the magnitude of the measured current was not significantly altered 

by the concentration. 
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Figure 5.1. Cyclic voltammograms obtained using a polycrystalline Pt disk 

electrode in various concentrations (0.2, 1.0, 1.8, 2.7, 3.2 and 4.2 mol L−1) of 

sodium phosphate solution at pH 5 under bubbling Ar for (a) negative and (b) 

positive scan directions (50 mV s−1, 3600 rpm, 298 K). 

In Figure  5.2a, linear sweep voltammograms (LSVs) obtained in various 

concentrations of sodium phosphate solutions at pH 5 are depicted. In all cases, 

the cathodic currents increased monotonically with overpotential below 0 V vs. 

RHE, although the current-potential relationship varied with the solute 

concentration. Figure  5.2c compiles the current densities in sodium phosphate 

solution as a function of solute concentration at −50 mV vs. RHE (solid symbols). 

The HER performances increased with the solute concentration, reaching a 

maximum at approximately 2 mol L−1, and then decreased at higher 

concentrations.  
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Figure 5.2. (a) Linear sweep voltammograms using a polycrystalline Pt disk 

electrode in sodium phosphate solutions of various concentrations (1.0, 1.8, 3.2 

or 4.2 mol L−1) at pH 5 with bubbling H2 (conditions: −50 mV s−1, 3600 rpm, 298 

K). For reference, those obtained in 0.1 mol L−1 HClO4 and KOH are presented in 

the figure as solid lines. (b) Theoretically derived polarization curves in sodium 

phosphate solutions of various concentration (0.2, 1.0, 1.8, 2.7, 3.2, and 4.2 mol 

L−1) at pH 5. (c) Comparison between experimental (solid symbols) and 

theoretical (open symbols) HER current density. The current densities at −50 mV 

vs. RHE are compiled as a function of concentration. 
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5.2.2. Kinetics for the Hydrogen Production under Densely Buffered 

Conditions 

It is reasonable to consider that the buffering action (HA = A− + H+) is rapid 

in both directions, which maintained the bulk solution pH at 5, irrespective of the 

solute concentration. Additionally, the phosphate concentration is sufficiently 

higher than the hydronium ion activity (0.5 mol L−1 >> 10−5 mol L−1, at pH 5) 

under the current reaction conditions. The buffering action in the bulk of the 

solution is described as follows: 


 2

+
3

HA H O

HAA

H O

a a
a K K a

a
 , (5.1) 

where ai is the activity of i, K denotes the equilibrium constant of the buffering 

action. In unbuffered solutions at pH 5, the Levich limiting current density of 0.10 

mA cm2 from hydronium ion reduction is expected.31 Lack of this limiting current 

behavior in Figure  5.2a indicates either successful buffering action of phosphate 

ions to release hydronium ions at close proximity of the surface or occurrence of 

direct reduction of weak acid, as previously proposed.37−40 Taking various rate 

determining steps with different reactants, the hydrogen evolution reaction (HER) 

kinetics under the densely buffered conditions will be addressed in the following.  

Hydronium Ion Reduction Assisted by Buffering Actions 

Because HA buffering action is rapid especially when HA activity is 

sufficiently larger than the hydronium ion activity (at least, 105 higher in this 

study), the equilibrium below is considered:  
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+HA H A , (5.2) 

which leads to: 




-H A

HA

a a
K

a
. (5.3) 

These rationales lead to a similar hydronium ion activity near the electrode 

surface to the bulk, the pH level of which is initially fixed. Here, the situation 

where the hydronium ion activity is maintained constant independent of the 

solute concentration is considered.  

If the HER at near-neutral pH under buffered conditions proceeds via 

hydronium ion reduction, the following elementary steps are considered:22,23,26  

(Volmer)     
3 2

H O M e M-H H O , (5.4) 

(Heyrovsky)      
3 2 2

M-H H O e H H O M , (5.5) 

(Tafel step)  
2

2M-H H 2M . (5.6) 

The overall reaction rate can be respectively described for respective rate 

determining step (rds) as follows (see Chapter  2 for the detailed derivation): 

(rds: Volmer)   
3

0

4 4 4H O
expI nFAk a f   , (5.7) 

(rds: Heyrovsky)  
 

 
3

2 3

0 0 2

5 4 5 5H O

0

H O 4 4 H O

exp

exp

k K a f
I nFA

a f K a

 











, (5.8) 
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(rds: Tafel)  
 

3

2 3

2
0

4 H O0

6 0

H O 4 4 H O
exp

K a
I nFAk

a f K a





 
 

  

. (5.9) 

Here, ki is the rate constant for Equation 5.i; k0 defines the standard rate constant 

for k; aH3O+ is the hydronium ion activity; α is the electron transfer coefficient; f 

denotes F/RT; ηi defines the electrode and equilibrium potential differences 

(overpotential, E – Eeq) for Equation 5.i; I is the electric current; n is the number 

of electrons involved, and A denotes the surface area of the electrocatalyst. In all 

cases, the kinetic currents (dependent only on the hydronium ion activity) should 

be independent of the solute concentration.  

Direct Weak Acid Decomposition 

As a next step, the deprotonation of weak acid (HA) is considered for the 

HER, according to the literature:37−40 

(Volmer)  
   HA M e M-H A , (5.10) 

(Heyrovsky)  
    

2
M-H HA e H A M, (5.11) 

(Tafel) 
2

2M-H H 2M . (5.6) 

Volmer step When the Volmer step is the rds, the forward reaction rate 

of the Volmer step equals the overall reaction rate:  

   0

10 10 HA 10 101 expr r k a f      . (5.12) 
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In this case, because the Volmer step is assumed as the rds, the formed M-H is 

immediately consumed by the Heyrovsky or Tafel step. It leads to an assumption 

of θ ≈ 0. Therefore, the following description: 

 0

10 HA 10 10expr k a f   , (5.13) 

is obtained for the HER current.  

Heyrovsky step The forward and backward reaction rates of Equation 5.10 

are described in Equation 5.12 and the following equation, respectively: 

  0

10 10 10 10A
exp 1r k a f   

  , (5.14) 

where r is the reaction rate, ki denotes the rate constant, α represents the 

transfer coefficient, f equals F/RT (F: Faraday’s constant, R: universal gas 

constant and T: absolute temperature) and ai is the activity of ion i. Because the 

Volmer step can be assumed to be pre-equilibrated, the coverage is expressed 

as: 

 
 

0

10 HA 10

0 0

10 HA 10 10A

exp

exp

k a f

k a f a k




  




 
. (5.15) 

In conjunction with buffering description as in Equation 5.1, this equation is 

deduced into: 

 
 

0

10 10

0 0

10 10 10

exp

exp

k f

k f K k










 
. (5.16) 
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The forward reaction rate for Equation 5.11 is given by 

 0

11 11 HA 11 11expr k a f    . (5.17) 

Combining Equations 5.1, 5.16 and 5.17 provides the following description of 

electric current for the HER: 

   

 

+
3

+
23

0 0

10 11 HA 10 11 11H O

0 0

10 10 10 H OH O

exp exp

exp
HER

nFAk k a a f f
I

k a f k Ka

  




 


 
. (5.18) 

(HOR/HER description)  

To visualize the overall electric currents, the backward reaction (hydrogen 

oxidation reaction: HOR) has to be discussed. Here, the Heyrovsky step is also 

assumed to be the rds. This leads to that the backward reaction of Equation 5.11: 

     
2

0

11 11 H 11 11A
1 exp 1r k p a f   

   , (5.19) 

describes the reaction rate for the HOR. The Volmer step can be considered to 

be pre-equilibrated, so that the coverage term described in Equation 5.16 is valid. 

Equations 5.16 and 5.19 give the following description of electric current for the 

HOR: 

  
 

2

0 0 2

10 11 H 11 11A
10 0 0

10 HA 10 10A

exp 1

exp
HOR

nFAk k a p f
I nFAr

k a f a k

 







 






 

 
. (5.20) 

Tafel step In the same manner to the Heyrovsky step being rds, the 

coverage of M-H is given by Equation 5.15. Considering the buffering action, the 
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relationship in Equation 5.1 is also valid. The coverage is given by Equation 5.16. 

The forward reaction rate of the Tafel step is simply given as follows: 

 0 2

6 6
r r k   . (5.21) 

Combining all the equations provides us the following rate description. 

 
 

2
0

0 10 10

6 6 0 0

10 10 10

exp

exp

k f
r r k

k f K k






  
   

   
. (5.22) 

Therefore, the reaction rate for the weak acid deprotonation is independent of the 

solute concentration when the Tafel step is the rds, whereas it is proportional to 

the solute concentration when the Heyrovsky step or the Volmer step is the rds. 

Overall, the HER kinetics can be theoretically either zero-order or first-order 

to weak acid activities. However, due to the rapid buffering action and rapid 

kinetics of HER on Pt, I failed to experimentally differentiate the true reactant 

(hydronium ion vs. weak acid) on the Pt surfaces. Importantly, in any cases, the 

fact that the HER performances decrease with increasing the solute 

concentration beyond a certain concentration (~2 mol L−1 for sodium phosphate 

at pH 5) cannot be explained by this kinetic description.  

5.2.3. Mass Transport in the Hydrogen Production under Densely 

Buffered Conditions 

Since the kinetic descriptions of the HER via hydronium ion reduction assisted by 

buffering action or weak acid deprotonation could not account for the 

experimental observation, a contribution of mass transport of the weak acid is 
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introduced. Effects of the mass transport on the overall performances were 

evident from different attainable current at various disk-rotation speeds as shown 

in Figure  5.3. The Fick’s law is considered in conjunction with the Nernst-type 

diffusion for the mass transport of HA and A−: 

 



  


, ,

i i
i i b i s

i i

a D
J D a a

x
, (5.23) 

where Di is the diffusion coefficient of i and δi represents the diffusion layer 

thickness. The indices b and s refer to the bulk and surface, respectively.  

 

Figure 5.3. Linear sweep voltammograms using a polycrystalline Pt disk 

electrode in 1.8 mol L−1 sodium phosphate solution at pH 5 with bubbling H2 

(conditions: −50 mV s−1, 2500-4900 rpm and 298 K). 
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5.2.4. Overall Description of the Hydrogen Production under Densely 

Buffered Conditions 

Herein, a theoretical description of the HER based on kinetics and mass 

transport of weak acid is attempted. In the overall picture, the weak acid (HA: 

H2PO4
−) is consumed and produced via the HER and hydrogen oxidation 

reactions (HOR), respectively, and is transported from the bulk to the surface (or 

from the surface to the bulk, depending on the direction of the concentration 

gradient), which is described by the following continuity equation: 

   HA, HA
HA, HA,

HAδ

s

b s HER HOR

a D
a a r r

t


    


, (5.24) 

where rHER and rHOR are the kinetic reaction rates for the HER and HOR, 

respectively. The same argument is applicable to the counter anion (A−: HPO4
2−), 

which gives the following relationship under the steady-state approximation: 

   




 



  A HA
HA, HA,A , A ,

HAA
δ

b ss b

D D
a a a a . (5.25) 

Combining Equations 5.1 and 5.25 leads to the following description of the A− 

activity at the surface of the electrode: 

  



 

 
    
 

HA HA'A A
8 HA, HA,A ,

HA HAA A
δ δ

b ss

D D
a K a a

D D
. (5.26) 

The diffusion coefficient is obtained using the Stokes-Einstein equation:43 
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3

kT
D

d 
 , (5.27) 

where k is the Boltzmann constant, d represents the ion diameter and μ is the 

solution viscosity. The viscosity of sodium phosphate is experimentally measured 

(see ref 44). The diffusion layer thickness is derived using the Levich equation, 

   1 2 1 6 2 30.62
L
j nF D C , (5.28) 

and Fick’s law (Equation 5.23), which is expressed as 

   1 3 1/6 1/21.62x D , (5.29) 

where jL is the Levich current density, ω denotes the disk rotation speed (3600 

rpm ≈ 377 rad s−1), v is the kinematic viscosity and δC represents the difference 

in the reactant concentrations between the surface and bulk. Figure  5.4 compiles 

the calculated values.45  

The activity is defined as the concentration multiplied by the mean activity 

coefficient, which is described by the extended Debye-Hückel theory (~0.1 mol 

L−1):43,46,47 

 
2

0

1
ln

8 1

s A

D

N ze
RT

b a b


 

 


. (5.30) 

Taking hydration into consideration, Equation 5.30 can be expanded further 

into:46 
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ln ln ln lns

w

p q S h h

p q S p q
, (5.31) 

which is applicable in a wide solute concentration range (≈4 mol L−1). In the 

above, z is the charge number, e represents the elementary charge, ε and ε0 

denote the permittivity in the solution and vacuum, respectively, b is the Debye 

length, N is the Avogadro’s number, p, q, S and h define the number of cations, 

anions, water molecules and water molecules used for the hydration, and γw 

represents the activity coefficient of water. 

 

Figure 5.4. Calculated limiting diffusion currents (left axis) and diffusion layer 

thickness (right axis) using the Levich equation as a function of solute 

concentration in sodium phosphate solution at pH 5. 



181 
 

Using these equations, the mean activity coefficients of HA and A− were 

calculated with z+ = z− = 1, a = 0.38 nm, h = 2, and p = q = 1. The value of S is 

calculated at each concentration using database values42 of the density of the 

solution and that of pure water. The effective radii of the ions are calculated 

based on the hydrated ion sizes.46,47 The dashed and solid lines in Figure  5.5 

represent the activity coefficients derived from Equations 5.30 (extended Debye-

Hückel theory) and 5.31 (further extended Debye-Hückel theory considering 

hydration), respectively. Equation 5.31 is derived by taking hydration into 

consideration and can be used to calculate the remaining free water. The relative 

ratio of the remaining water is also presented in Figure  5.5 (orange line, assigned 

to the right axis).  

 

Figure 5.5. Calculated mean activity coefficients of Na+-H2PO4
− at pH 5 as a 

function of solute concentration in sodium phosphate solution using extended 

Debye-Hückel theory. 
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The simulated ratio of free water indicates that, although the solute concentration 

seems high, a substantial amount of water remains in the solution. It should be 

emphasized that although the Debye-Hückel theory and its extension are indeed 

promising tools to quantitatively discuss the mean activity coefficient, the 

electrostatic interaction is overemphasized while other parameters such as water 

affinity and volumetric changes are overlooked.48 So-called specific ion effects 

must be considered to fully account for the changes in the activity coefficients of 

various systems. A detailed discussion on this matter is provided in Chapter  7. 

To visualize the concentration-dependent change in the activity coefficient of a 

given salt, however, the Debye-Hückel theory is likely applicable. 

Finally, with all the aforementioned parameters, a current-concentration 

relationship can be calculated based on the theoretical model. The schematic 

illustration of the considered model is summarized in Figure  5.6. 

 

Figure 5.6. Schematic representation of the simulation model.  
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To solve the continuity equation (Equation 5.24), a kinetic description must be 

picked up, where the weak acid decomposition via the Heyrovsky step was 

tentatively chosen, as recently reported.37−41 Importantly, the choice of rds from 

the Volmer or the Heyrovsky step does not alter the dependence of HA activity 

(Essentially, the contribution of kinetic component to overall current remains very 

small regardless of the chosen rate determining step, as will be observed later). 

Equations 5.12, 5.14, 5.17, 5.19 and 5.24–5.26 provide the following equation: 

  2

HA, HA, 0
s s

Aa Ba C , (5.32) 

where 

   
2

2

HA 10 10 HA 10 11 10 11 HA D ak bk bk k a k k p
  

    , (5.33) 
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HA 10 11 H HA,2δ
b
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, (5.34) 
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     , (5.35) 

with  



 HA

A

D
a

D
, HA

A

b


 

 . (5.36) 

The solution of Equation 5.32 gives the HA activity at the electrode surface, from 

which electric currents can be calculated using F = 96500 C mol−1, R = 8.31 J 

mol−1 K−1, T = 298 K, pH2/pº = 1, K’ = 6.3 × 10−3, α10 = α11 = 0.5, E0
10 = E0

11 = 0 V 
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vs. RHE, k0
10 = 1 m s−1, k0

−10 = 1 m s−1, k0
11 = 10−5 m s−1 and k0

−11 = 2.5×10−6 m 

Pa−1 s−1. The obtained simulation results are displayed in Figure  5.2b. 

From the figure, the current densities at −50 mV vs. RHE were taken and 

summarized as a function of the solute concentration in Figure  5.2c. This 

simulation showed that the HER current densities increased with the solute 

concentration below 2 mol L−1 and further increasing the solute concentration 

lowered the HER currents, which is in excellent agreement with the experimental 

observation. The larger mismatch between the theoretical and experimental 

currents at lower concentration region is likely originating from stronger influence 

by the choice of rate determining step and standard rate constants arbitrarily 

chosen. It can be concluded that the HER in buffered solution is predominantly 

governed by the mass transport.  

5.2.5. Solution Resistance of Densely Buffered Electrolytes 

Under the same conditions, solution resistances were experimentally 

measured by impedance spectroscopy. Also, a simulation of Rsol was carried out 

using Equation 5.37,  

2

3
cell

d
R K

z ecF


 , (5.37) 

where Kcell is the cell constant. The derivation of the above equation can be 

found in references.43,44 Both measured and simulated solution resistances are 

summarized in Figure  5.7. The effective ion size, d, was obtained as 0.968 nm by 

data fitting. At lower concentrations, (< approximately 1.5 mol L−1), decreasing c 
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in Equation 5.37 causes Rsol to decrease. On the contrary, at higher 

concentrations the viscosity μ increases more drastically than c, which causes 

the solute concentration to increase. In fact, when the electrolyte was saturated 

with sodium phosphate at pH 5, the solution resistance reached as high as ca. 

170 ohms (not shown in the figure). Further discussion on the solution resistance 

is also found in the following chapters. 

 

Figure 5.7. Measured and calculated solution resistance as a function of the 

solute concentration in sodium phosphate solution at pH 5 (conditions: 100 kHz, 

10 mV amplitude and 298 K). 

5.2.6. Overpotential Distribution Clarification for the Hydrogen 

Production under Densely Buffered Conditions 

Based on the theoretical model, now the distribution of the applied potential can 

be quantified. The kinetic current is described by the application of Equations 
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5.18 and 5.20 (green line in Figure  5.8a), while the overall overpotential is 

calculated using Equations 5.24 and 5.32 (orange line in Figure  5.8a). The 

overpotentials induced by solution resistance were simulated using Equation 

5.37 (black line in Figure  5.8a). These theoretical overpotentials for the system 

composed of NaH2PO4 at pH 5 are compiled as a function of solute concentration 

in Figure  5.8b.  

 

Figure 5.8. (a) Simulated polarization curves with and without concentration 

overpotential and solution resistance in 1.0 mol L−1 NaH2PO4 electrolyte solution. 

(b) Simulated kinetic overpotential, concentration overpotential and potential drop 

induced by solution resistance at −10 mA cm−2 and (c) their relative fraction as a 
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function of NaH2PO4 concentration. The solution resistance is calculated 

considering an electrode geometric surface area of 0.1 cm2. 

Notably, in this simulation the viscosity values were obtained from a database,42 

which enabled for carrying out the simulation over a wide concentration range. 

As shown in the figure, the overall overpotential decreased with increasing solute 

concentration and reached a minimum at approximately 2 mol L−1. Further 

increasing the solute concentration resulted in an increased overpotential. In 

Figure  5.8c, the relative fractions of the overpotentials are depicted. Under these 

conditions using Pt as a catalyst, the kinetic overpotential was the smallest (< 

10%) among the overpotentials considered regardless of rate determining steps. 

The concentration overpotential was as high as 48% in 0.5 mol L−1 and exceeded 

50% in denser solutions.  

This study clearly envisages the importance of mass transport properties of 

the dense-buffer solution. This consideration on the electrolyte properties under 

buffered near-neutral pH condition is also applicable to biocatalysis and 

photocatalysis, where electrocatalysis plays a crucial role.  

5.3. Summary 

The hydrogen evolution reaction (HER) under buffered near-neutral pH 

conditions was experimentally and theoretically investigated using a Pt disk 

electrode, particularly focused on solute concentration influences on HER 
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performances at pH 5 in sodium phosphate solution (0.2–4.2 mol L−1). Overall 

HER performances dependence on the solute concentration were revealed as 

volcano-shaped: the HER performances increased with the solute concentration 

below around 2 mol L−1 and further increasing the solute concentration led to 

decreased HER performances. The presented theoretical model composed of 

microkinetic and mass transport showed excellent agreement with the 

experimental observation, suggesting that the HER in buffered near-neutral 

solutions is predominantly governed by the mass transport of phosphate species 

(weak acid). The simulation model for NaH2PO4 solution at pH 5 revealed that 

the overall overpotential (ohmic loss, concentration overpotential and kinetic 

overpotential) can be minimized at around 2.0 mol L−1 where yet the contribution 

of concentration overpotential was quite huge (>50%). This study points out the 

substantial concentration overpotential present during the HER under buffered 

near-neutral pH conditions, which has been overlooked in many studies. The 

mass transport is described by the diffusion coefficient and the activity 

coefficient, and the former is a function of the effective ion size and viscosity of 

the electrolyte solution. Tuning these parameters, i.e., proper electrolyte 

engineering, is speculated to result in a drastic improvement of the HER 

performance under near-neutral pH conditions, irrespective of the identity of the 

electrocatalyst.  
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5.4. Experimental Section 

All of the electrochemical activity tests were conducted using a rotating disk 

electrode (RDE) system. A poly-crystalline Pt disk electrode with a 3.0 mm 

diameter (0.071 cm2 geometric surface area) was purchased from BAS, Inc. For 

all of the measurements, various concentrations (0.2−4.2 mol L−1) of sodium 

phosphate electrolyte solutions were used. The pH of the sodium phosphate 

solutions was adjusted to pH 5 by adding H3PO4 to Na2HPO4. The total 

concentration (initial Na2HPO4 + added H3PO4) ranged from 0.2 to 4.2 mol L−1. 

All of the chemicals were purchased from Sigma-Aldrich with the following 

purities: HClO4 (99.999%), Na2HPO4 (99.5%), H3PO4 (99.9%) and KOH 

(99.99%). Cyclic and linear-sweep voltammogram measurements were 

performed at a scan rate of 50 mV s−1 using a 16-channel, research-grade 

potentiostat system (VMP3) purchased from BioLogic Science Instruments. A 

three-electrode system was employed, in which a KCl-saturated Ag/AgCl 

electrode and a Pt wire were used as reference and counter electrodes, 

respectively. Before and during all of the measurements, Ar (99.999%) or H2 

(produced using a NMH2 300 Hydrogen Generator, D. B. S. Strumenti Scientifici 

S.p.A.) was continuously supplied. The disk rotation speed was maintained at 

1600 – 4900 rpm. Before all the measurements, the Pt disk-electrode was 

polished first with 1 μm diamond and then with 0.05 μm alumina (both purchased 

from BAS, Inc.). All of the current densities described in this report are expressed 

in terms of the geometric electrode surface area, and all of the current-potential 
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relationships have been iR-corrected using measured impedance values (100 

kHz, amplitude 10 mV and 298 K) unless otherwise specified. 

  



191 
 

5.5. References 

1 F. Tao, W. F. Schneider and P. V. Kamat, Heterogeneous catalysis at 
nanoscale for energy application, John Wiley & Sons, Inc., 2014. 

2 J. R. Bolton, Sol. Energy, 1996, 57, 37−50.  

3 D. M. Cahhahan, J. N. Munday and H. A. Atwater, Nano Lett., 2012, 12, 
214−218.  

4 A. Polman and H. A. Atwater, Nat. Mater., 2012, 11, 174−177.  

5 J. Jin, K. Walczak, M. R. Singh, C. Karp, N. S. Lewis and C. Xiang, 
Energy Environ. Sci., 2014, 7, 3371−3380.  

6 T. W. Kim and K.-S. Choi, Science, 2014, 343, 990−994.  

7 M. G. Walter, E. L. Warren, J. R. McKone, S. W. Boettcher, Q. Mi, Q. E. A. 
Santori and N. S. Lewis, Chem. Rev., 2010, 110, 6446−6473.  

8 T. Hisatomi, J. Kubota and K. Domen, Chem. Soc. Rev., 2014, 43, 
7520−7535.  

9 H. Kumagai, T. Minegishi, N. Sato, T. Yamada, J. Kubota and K. Domen, 
J. Mater. Chem. A, 2015, 3, 8300−8307. 

10 T. Hisatomi, K. Takanabe and K. Domen, Catal. Lett., 2015, 145, 95−108. 

11 K. Maeda, K. Teramura, D. Lu, T. Takata, N. Saito, Y. Inoue and K. 
Domen, Nature, 2006, 400, 295.  

12 A. Kudo and Y. Miseki, Chem. Soc. Rev., 2009, 38, 253−278.  

13 X. Chen, S. Shen, L. Guo and S. S. Sao, Chem. Rev., 2010, 110, 
6503−6570.  

14 H. Iwahara, Y. Asakura, K. Katahara and M. Tanaka, Solid State Ionics, 
2004, 168, 299−310.  

15 F. Barbir, Sol. Energy, 2005, 78, 661−669.  

16 S. A. Grigoriev, V. I. Porembsky and V. N. Fateev, Int. J. Hydrogen 
Energy, 2006, 31, 171−175.  

17 K. Zeng and D. Zhang, Prog. Energy Combust. Sci., 2010, 36, 307−326.  

18 C. H. Hamann, A. Hamnett and W. Vielstich, Electrochemistry, Wiley VCH, 
Weinheim, 2007. 



192 
 

19 N. M. Marković, B. N. Grguer and P. N. Ross, J. Phys. Chem. B, 1997, 
101, 5405−5413.  

20 J. Greeley, T. F. Jaramillo, J. Bonde, I. Chorkendorff and J. K. Nørskov, 
Nat. Mater., 2006, 5, 909−913.  

21 S. A. Grigoriev, P. Millet and V. N. Fateev, J. Power Sources, 2008, 177, 
281−285.  

22 B. E. Conway, J. Barber and S. Morin, Electrochim. Acta, 1998, 44, 
1109−1125.  

23 B. E. Conway and L. Bai, J. Electroanal. Chem., 1986, 198, 149−175.  

24 J. Durst, A. Siebel, C. Simon, F. Hasche, J. Herranz and H. A. Gasteiger, 
Energy Environ. Sci., 2014, 7, 2255−2260.  

25 N. Danilovic, R. Subbaraman, D. Strmcnik, V. R. Stamenkovic and N. M. 
Marković, J. Serb. Chem. Soc., 2013, 78, 2007−2015.  

26 W. Sheng, H. A. Gasteiger and Y. Shao-Horn, J. Electrochem. Soc., 2010, 
157, B1529−B1536.  

27 N. M. Marković, S. T. Sarraf, H. A. Gasteiger and P. N. Ross, J. Chem. 
Soc., Faraday Trans., 1996, 92, 3719−3725.  

28 C. Chen, Y. Kang, Z. Huo, Z. Zhu, W. Huang, H. L. Xin, D. Snyder, D. Li, 
D. J. A. Herron, M. Mavrikakis and M. Chi, Science, 2014, 343, 1339−1343.  

29 D. Strmcnik, M. Uchimura, C. Wang, R. Subbaraman, N. Danilovic, D. 
Vliet, A. P. Paulikas, V. R. Stamenkovic and N. M. Marković, Nat. Chem., 2013, 
5, 300−306.  

30 T. Shinagawa, A. T. Garcia-Esparza and K. Takanabe, 
ChemElectroChem, 2014, 1, 1497−1457.  

31 T. Shinagawa and K. Takanabe, Phys. Chem. Chem. Phys., 2015, 7, 
15111−15114.  

32 I. Katsounaros, J. C. Meier, S. O. Klemm, A. A. Topalov, P. U. 
Biedermann, M. Auinger and K. J. Mayrhofer, J. Electrochem. Commun., 2011, 
13, 634−637.  

33 M. Auinger, I. Katsounaros, J. C. Meier, S. O. Klemm, O. U. Biedermann, 
A. A. Topalov, M. Rohwerder and K. J. Mayrhoger, Phys. Chem. Chem. Phys., 
2011, 13, 16384−16394.  

34 M. W. Kanan and D. G. Nocera, Science, 2008, 321, 1072−1075.  



193 
 

35 D. A. Lutterman, Y. Surendranath and D. G. Nocera, J. Am. Chem. Soc., 
2009, 131, 3838−3839.  

36 M. W. Kanan, J. Yano, Y. Surendranath, M. Dinca, V. L. Yachandra and D. 
G. Nocera, J. Am. Chem. Soc., 2010, 132, 13692−13701.  

37 M. D. Merrill and B. E. Logan, J. Power Sources, 2009, 191, 203−208.  

38 Z. Stojek, M. Clszkowska and G. Osteryoung, Anal. Chem., 1994, 66, 
1507−1512.  

39 S. Silva, R. Basseguy and A. Bergel, Electrochim. Acta, 2004, 49, 
4553−4561.  

40 L. Munoz, A. Bergel, D. Feron and R. Basseguy, Int. J. Hydrogen Energy, 
2010, 35, 8561−8568.  

41 E. Skúlason, G. S. Karlberg, J. Rossmeisl, T. Bligaard, J. Greeley, H. 
Jónsson and J. K. Nørskov, Phys. Chem. Chem. Phys., 2007, 9, 3241−3250.  

42 W. M. Haynes and D. R. Lide, Handbook of Chemistry and Physics, 92nd 
ed., CRC Press: Boca Raton, FL, 2011. 

43 P. Atkins and J. D. Paula, Atkins’ physical chemistry, 8th ed., W. H. 
Freeman and Company, New York, 2006.  

44 T. Shinagawa and K. Takanabe, J. Power Sources, 2015, 287, 465−471. 

45 A. J. Bard and L. R. Faulkner, ELECTROCHEMICAL METHOD: 
Fundamentals and Applications, John Wiley & Sons, Inc., 2010.  

46 J. O’M. Bockris and A. J. N. Reddy, Modern electrochemistry 1, Plenum 
Press, New York, 1970.  

47 J. N. Israelachvili, Intermolecular and Surface Forces, Elsevier, 2011.  

48 W. Kunz, Specific Ion Effects, World Scientific Publishing Co. Pte. Ltd., 
Singapore, 2010.  



194 
 

6. Impact of Solute Concentration on the Dissolved Gases Conversion 

under Buffered Near-Neutral pH Conditionsf 

To maintain local pH levels near the electrode during electrochemical 

reactions, the use of buffered solutions is effective at near-neutral pH levels, as 

discussed in the previous chapter. During water electrolysis processes, the 

evolved oxygen can be reduced back (oxygen reduction reaction, ORR) and the 

evolved hydrogen can be oxidized back (hydrogen oxidation reaction, HOR), 

which lowers the overall system efficiency. In this chapter, under the same 

conditions as in the previous chapter that describes hydrogen production, the 

dissolved gases conversion of the ORR and HOR will be addressed on a 

platinum rotating disk electrode. Detailed investigations revealed that the kinetic 

and limiting diffusion current densities for both the ORR and HOR logarithmically 

decrease with increasing solute concentration (   log 0.39 0.92
ORR
j c ,

  log 0.35 0.73
HOR
j c ). To clarify the physical aspects of this phenomenon, the 

electrolyte characteristics are addressed: with increasing phosphate 

concentration, the gas solubility decrease, the kinematic viscosity of the solution 

increase and the diffusion coefficient of the dissolved gases decrease. The 

simulated limiting diffusion currents using the aforementioned parameters match 

the measured ones very well (   log 0.43 0.99
ORR
j c ,   log 0.40 0.54

HOR
j c ), 

accurately describing the consequences of the electrolyte concentration. These 

alterations of the electrolyte properties associated with the solute concentration 

                                                           
f
 This chapter was adapted from T. Shinagawa and K. Takanabe, J. Power Sources, 2015, DOI: 
10.1016/j.jpowsour.2015.04.091. 
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are universally applicable to other aqueous gas-related electrochemical reactions 

because the currents are purely determined by mass transfer of the dissolved 

gases. 

6.1. Introduction 

To achieve a sustainable energy system, efficient methods for the 

conversion of chemical energy into electricity are desired. Fuel cells are one of 

the most promising technologies for efficient energy conversion and have been 

extensively investigated in the past decades. In the fuel cell system, hydrogen is 

oxidized as follows (hydrogen oxidation reaction: HOR): 

2 2 3 H 2H O 2H O 2e    or 2 2H 2OH 2H O 2e   . (6.1) 

and oxygen is reduced at the anode as follows (oxygen reduction reaction: 

ORR): 

2 3 2O 4H O 4e 6H O    or 2 2O 2H O 4e 4OH   . (6.2) 

For these reactions to exhibit higher activities, extreme pH conditions are 

generally applied. Typically, the electrolyte solutions are KOH,1−5 NaOH,4 and 

HClO4
3−5 for the HOR and NaOH,6 KOH,7,8 HClO4,

8−10,12,13 and H2SO4
8,10−13 for 

the ORR. Under unbuffered near-neutral pH conditions, more overpotential is 

required to obtain substantial electric currents3,14−19 where reactants switch from 

hydronium or hydroxide ions to water molecules, which are not kinetically 

favored.3,14 Under near-neutral condition of pH 5−9, to maintain local pH levels 
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(hydronium and hydroxide ion activities) at the electrode-electrolyte interface 

while the reaction is ongoing, buffered solutions such as phosphate, carbonate, 

or borate are used,20 resulting in comparable performances to those under acidic 

and alkaline conditions. In some cases, it has been proposed that the counter 

anions (e.g., phosphate ions) are involved in the reaction mechanism.21,22 From 

this viewpoint, the buffer concentrations should be expected to have a great 

impact on electrocatalytic performance. For the hydrogen evolution reaction 

(HER), it has been reported that increasing the buffer concentration improves the 

HER performance.21,22 Although this finding should also be very relevant to other 

aqueous electrochemical reactions, there is no fundamental study reported 

regarding the effects of the electrolyte concentration on the ORR/HOR. 

 Herein, a detailed study on the effects of the electrolyte concentration on 

the ORR/HOR performances using a Pt disk electrode is presented. For all the 

measurements, sodium phosphate was used as a buffered electrolyte and its pH 

was adjusted to 5. In an unbuffered solution at pH 5, activity of hydronium ion is 

limited and thus water molecules, instead of hydronium ions, start to get involved 

as a reactant in, e.g., ORR catalysis, requiring high overpotential. On the other 

hand, when a buffered electrolyte is present, sufficient amount of hydronium ions 

are provided due to a buffering action depending on the electrolyte concentration. 

As a result, cathodic j-V profiles for the ORR are drastically improved in the 

presence of a buffered electrolyte at pH 5.14 Notably, pH 5 was chosen in this 

study because the solubility of phosphate species is much higher than those at 

more alkaline pH, providing a wide range of solute concentration to evaluate its 
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effects on the ORR/HOR electrocatalysis.23 The present controlled 

electrochemical study revealed that current densities for both the ORR and HOR 

logarithmically decreased with increased electrolyte concentration. The changes 

in the characteristics of the electrolyte accurately accounted for the 

measurements: the gas solubility decreased, the kinematic viscosity of the 

solution increased and the diffusion coefficient of the dissolved gases decreased 

with increasing solute concentration. The limiting diffusion currents simulated 

using these separate parameters were in good agreement with the measured 

currents, suggesting that the mass transfer parameters associated with the 

electrolyte property solely determines the overall electrochemical performance. 

To the best of our knowledge, this is the first report clarifying the significant 

influences of the electrolyte concentration on the gas-related aqueous 

electrochemical reaction performance. 

6.2. Results and Discussion 

6.2.1. Electrochemical Investigation of Oxygen Reduction and 

Hydrogen Oxidation Reactions 

Linear sweep voltammograms (LSVs) using a polycrystalline Pt disk 

electrode at 3600 rpm in electrolyte solutions with various phosphate 

concentrations (0.2, 1.0, 1.8, 2.7, 3.2 and 4.2 mol L−1) at pH 5 under oxygen 

bubbling are depicted in Figure  6.1a. In all of the cases, cathodic currents were 

observed below 900 mV vs. the reversible hydrogen electrode (RHE). Increasing 

phosphate concentration resulted in smaller reduction currents, reaching an 
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almost negligible current of ca. −0.15 mA cm−2 in the 4.2 mol L−1 solution. LSVs 

under hydrogen bubbling were also carried out and are compiled in Figure  6.1b. 

In all of the solutions, anodic currents were measured above 0 V vs. RHE, 

showing clear limiting diffusion currents.  

 

Figure 6.1. Linear sweep voltammograms using a polycrystalline Pt disk 

electrode in solutions with various phosphate concentrations (0.2, 1.0, 1.8, 2.7, 

3.2 or 4.2 mol L−1) at pH 5 with bubbling (a) O2 or (b) H2. (conditions: −50 mV s−1, 

3600 rpm, 298 K). (c) Current density taken from Figure  6.1a and b at 400 mV 

vs. RHE as a function of the concentration of the electrolytes. 
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Similar to the ORR, the oxidation currents in the less dense electrolyte solutions 

were smaller (approximately 0.26 mA cm−2 in 4.2 mol L−1). These results clearly 

suggested that the electrolyte concentration has significant influences on the 

electrochemical performance. In Figure  6.1c, the current densities taken from 

Figure  6.1a and b at 400 mV vs. RHE are plotted as a function of the electrolyte 

concentration, showing that the limiting diffusion current densities decreased in a 

logarithmic scale with increasing phosphate concentration. The approximation 

curves were calculated as:  

  log 0.39 0.92
ORR
j c , (6.3) 

and 

  log 0.35 0.73
HOR
j c . (6.4) 

Theoretically, the limiting diffusion currents can be described by the Levich 

equation: 

   1 2 1 6 2 30.62
L
j nF D C , (6.5) 

and the Koutecky-Levich equation: 

 
1 1 1

k L
j j j

, (6.6) 

where j, jk and jL are the overall current density, the kinetic current density and 

the Levich currents density, respectively; F is the Faraday’s constant; ω denotes 

the disk rotation speed; v is the kinematic viscosity and δC represents the 
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difference in the reactant concentrations between the surface and the bulk. To 

evaluate the dependence of the ORR limiting diffusion current density on the disk 

rotation speed, the inverse of current density at 400 mV vs. RHE is plotted as a 

function of square root of disk-rotation speed in Figure  6.2a.  

 

Figure 6.2. (a) Koutecky-Levich plots over a polycrystalline Pt disk electrode at 

400 mV at disk rotation speeds varying from 1600 to 4900 rpm under O2 bubbling 

(conditions: −50 mV s−1, 298 K) and (b) Levich slopes B and kinetic currents 

calculated from the Koutecky-Levich equation as a function of the concentration 

of the electrolytes. (c) Tafel slope and intercept as a function of the concentration 

of the electrolytes. 
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As expected from Equation 6.5, the inverse of the current density linearly 

decreased with decreasing square root of the disk rotation speed. The slope in 

this linear relationship, called the Levich slope, was calculated and compiled as a 

function of the electrolyte concentration, as shown in Figure  6.2b. This figure 

clearly shows that increasing concentration resulted in exponentially decreased 

Levich slope. This trend was also observed for the HOR as shown in Figure  6.3.  

 

Figure 6.3. (a) Koutecky-Levich plots over a polycrystalline Pt disk electrode at 

400 mV at disk rotation speeds varying from 1600 to 4900 rpm under H2 bubbling 

(conditions: −50 mV s−1, 298 K) and (b) Levich slopes (B) calculated from the 

Koutecky-Levich equation as a function of the concentration of the electrolytes. 

As a description of the electrochemical kinetics, the following Tafel relation is 

experimentally well confirmed: 

  logb j a , (6.7) 
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where η represents the overpotential and b and a are constants. Using Equation 

6.6, the kinetic component was taken from the experimental results, and the 

Tafel slope b and intercept a in Equation 6.7 are summarized in Figure  6.2c. 

Increasing the electrolyte concentration led to increased Tafel slope and 

decreased intercept. The Tafel slope higher than 120 mV dec−1 observed in 

denser electrolytes suggested that the oxygen adsorption on the active sites 

determines the rate,24 implying that the concentrated solute inhibits the access of 

the reactant to the active sites. 

6.2.2. Evaluation of Electrolyte Properties 

As described so far, denser electrolyte solutions showed lower ORR and 

HOR performances, likely originating from lower accessibility of the reactant to 

the active sites. To clarify the physical aspect of this phenomenon, we recall 

Equation 6.5. This equation theoretically states that the limiting diffusion currents 

are described as a function of the kinematic viscosity, diffusion coefficient and 

reactant concentration. In this section, how these properties are affected by the 

electrolyte concentration is discussed. The gas solubility has been experimentally 

well investigated,25−29 and in the 19th century, the following equation was 

proposed by Sechenov: 

 
 

 

,0log KG

s

G

c
c

c
, (6.8) 

where cG,0 represents the gas solubility in pure water; cG denotes the gas 

solubility in the electrolyte solution; cs is the molar salt concentration and K is the 
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Sechenov constant which depends on the salts, gas and temperature. Later, this 

empirical equation was revised as following: 

 
 

  
 

,0

i G
log h hG

i

G

c
c

c
, (6.9) 

where hi and hG are constants depending on the ion and gas, respectively.29 

Using the constant values of 0.1079 for Na+, 0.1009 for H2PO4
−, 0.000 for O2 and 

−0.0176 m3 kmol−3 for H2,
29 Equation 6.9 was applied to the current system, and 

the obtained gas solubility are compiled in Table  6.1.  

Table 6.1. Solubility of oxygen and hydrogen in solutions with various phosphate 

concentrations calculated using the Sechenov equation. 

 Concentration Gas solubility   

 / mol L−1  / mmol L−1 

   (O2) (H2) 

 0 1.27 0.781 

 0.2 1.16 0.723 

 1.0 0.788 0.525 

 1.8 0.542 0.385 

 2.7 0.342 0.262 

 3.2 0.275 0.219 

 4.2 0.165 0.143 
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Both the oxygen and hydrogen solubility decreased with increasing phosphate 

concentration. It should be noted that at pH 5, the compositions of phosphate ion 

species are 0.14, 99.2, 0.62 and 0.00% for H3PO4, H2PO4
−, HPO4

2− and PO4
3−, 

respectively, such that the phosphate ion species other than H2PO4
− could be 

ignored in this case.23 The next parameter of kinematic viscosity was measured 

using a viscometer. The measured values are summarized in Table  6.2. This 

table shows that the kinematic viscosity of the phosphate solution increased with 

increasing electrolyte concentration.  

Table 6.2. Kinematic viscosity of solutions with various phosphate concentrations 

at 298 K. 

 Concentration Kinematic viscosity 

 / mol L−1  / mm2 s−1 

 0a 0.893 ± 0.003 

 0.2a 0.949 ± 0.003 

 1.8a,b 1.821 ± 0.042 

 3.2b 3.954 ± 0.182 

 4.2b 10.336 ± 0.335 

a: capillary 532 03 (Kcapl = 0.003138 mm
2
 s

−2
),  

b: capillary 532 10 (Kcapl = 0.009567 mm
2
 s

−2
) 

 

The last parameter, the diffusion coefficient, was calculated using the following 

Stokes-Einstein equation: 
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3

kT
D

d 
 , (6.10) 

where k is Boltzmann constant; T denotes the temperature; d represents the 

diameter of the ion, and μ is viscosity (kinematic viscosity multiplied by density). 

Using k of 1.38 10−23 m2 kg s−2 K−1, T of 298 K, d(O2) of 0.304 nm, d(H2) of 0.240 

nm, and the obtained kinematic viscosity in Table  6.2, the oxygen and hydrogen 

diffusion coefficients were simulated, as shown in Table  6.3. The table shows 

that the diffusion coefficients of oxygen and hydrogen exponentially decreased 

with increasing electrolyte concentration.  

Table 6.3. Diffusion coefficient of oxygen and hydrogen in solutions with various 

phosphate concentrations calculated using the Stokes-Einstein equation. 

 Concentration Diffusion coefficient  

 / mol L−1  / 105 cm2 s −1 

   (O2) (H2) 

 0.2 1.46 1.88 

 1.0 1.04 1.31 

 1.8 0.691 0.875 

 3.2 0.290 0.367 

 4.2 0.104 0.131 
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6.2.3. Oxygen and Hydrogen Mass Transport Flux Evaluation based 

on the Electrolyte Properties 

Based on the obtained gas solubility, kinematic viscosity and diffusion 

coefficient, the Levich current densities at a given phosphate concentration could 

be simulated. The calculated Levich current densities are shown in Figure  6.4. 

They were expressed as: 

  log 0.43 0.99
ORR
j c , (6.11) 

and 

  log 0.40 0.54
HOR
j c , (6.12) 

which fit well with the experimental observation of Equations 6.3 and 6.4.  

 

Figure 6.4. Calculated and experimental (a) oxygen reduction and (b) hydrogen 

oxidation reaction diffusion limiting currents as a function of the phosphate 

concentration (conditions: 3600 rpm, 298 K). 
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The limiting diffusion currents are described as in Equation 6.5, where the 

diffusion layer thickness can be described as follows: 

1 3 1/6 1/21.62x D   . (6.13) 

The diffusion layer thickness was also calculated and summarized in Figure  6.5. 

The diffusion layer thickness was in the micrometer scale in the current 

concentration range, and the diffusion layer thickness decreased with increasing 

solute concentration. This decrease in the diffusion layer thickness was induced 

by the change in the electrolyte property, and determined the mass transfer of 

the reactants.  

 

Figure 6.5. Calculated diffusion layer thicknesses for the ORR and HOR. 

It should be noted that, although phosphate ions can adsorb on the surface of 

catalysts, which changes the active surface area, it would be negligible in this 
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case. If the adsorption of phosphate on the catalyst surface decreases the 

surface area, increasing the phosphate concentration decreases the surface 

area, which in turn should additionally decrease the slope in Equations 6.11 and 

6.12. If the actual active surface area is as expected, we must experimentally 

observe smaller limiting diffusion currents than the simulation, which contradicts 

to the actual data as shown in Figure  6.4. Hence, it could be concluded that 

changing the electrolyte concentration alters the mass transfer properties of the 

dissolved gases, which would determine, at least majorly, the overall 

electrochemical performance.  

6.2.4. Universality of Electrolyte Properties 

In the previous section, how the concentration of phosphate changes its 

property and affects electrochemical performance was described. When the 

identity of the solute is altered, the different properties result in different 

electrochemical performance (current). For instance, pH shift will switch 

predominant ion species of phosphate (e.g., H2PO4
− to HPO4

2− with alkaline shift) 

and accordingly the resultant electrochemical performance. The effects of solute 

concentration observed for phosphate system can be, however, generally applied 

to other electrolyte solutions. As can be easily understood from Equations 6.8 

and 6.9, the gas solubility decreases with increasing solute concentration 

irrespective of the type of solute. For the viscosity, the following equation is true: 

      
0

1 c ,  (6.14) 
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where μ is the viscosity; μ0 represents the viscosity of pure solvent and [μ] 

denotes the intrinsic viscosity.30 This description suggests that the viscosity 

increases with increasing solute concentration likely irrespective of the type of 

electrolyte. The kinematic viscosity is a form of viscosity divided by density; 

therefore, the kinematic viscosity dependence on the concentration is determined 

by the viscosity and density dependence on the concentration. In general, the 

viscosity drastically changes compared with the density with the change of 

concentration, meaning that the kinematic viscosity decreases with increasing 

concentration (see examples for NaCl,31,32 lactose,32 sucrose33). Because the 

kinematic viscosity would likely decrease with increasing concentration, Equation 

6.10 states that the diffusion coefficient decreases in denser electrolyte solutions. 

These all suggest that all typical electrolyte solutions would show similar 

characteristics to phosphate, i.e. the ORR/HOR limiting diffusion currents would 

decrease with increasing concentration.  

Regarding the influence of the temperature, the solution generally becomes 

less viscous at elevated temperatures.31−33 According to Equation 6.10, the 

diffusion coefficient in turn increases with increasing temperature. Therefore, at 

higher temperatures, the mass transport of dissolved gases will be enhanced. On 

the contrary, gas solubility decreases with increasing temperature. Overall, 

improved gas diffusion will compete with reduced gas solubility. Using the data 

available for pure water,23 a simulation shows that limiting diffusion currents 

improve by about 16% for the ORR and 45% for the HOR from 25 °C to 50 °C. 
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Further investigation is required to elucidate the effects of the temperature on the 

electrochemical performance in the presence of solute.  

6.2.5. Theoretical Description of Solution Resistance in Densely 

Buffered Electrolytes 

It is widely accepted that supporting electrolyte solutions are generally used 

in electrochemical studies to enhance the conductivity and to reduce the potential 

drop caused by the solution resistance. For this purpose, a denser supporting 

electrolyte would be more effective because its conductivity is a function of the 

concentration. The ohmic resistance is described as follows:30 

L
R

A
  , (6.15) 

where R is the solution resistance; ρ represents the resistivity, and L and A 

denote the specific length and area of the electrochemical cell, respectively (L/A 

is called the cell constant Kcell). For the motion of ions in the electrolyte, the 

following equations are well known: 

 3
fric

F fs d s  , (6.16) 

 
zeE

s uE
f

, (6.17) 

where Ffric is the frictional retarding force; f denotes the constant for the friction; s 

is the drift speed of the ion; d is the effective diameter of ion; z represents the 

valence of the ion; e is the elementary charge; E is the potential in a uniform 
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electric field, and u denotes the mobility of the ion. These parameters give the 

following expression of the mobility of ions: 

3

ze ze
u

f d
  . (6.18) 

The conductivity κ is described as follows: 

  Fzcu . (6.19) 

The reciprocal of the conductivity is the resistivity; therefore, combining Equation 

6.15, 6.18 and 6.19 gives the following expression of solution resistance: 

2

3
cell

d
R K

z ecF


 . (6.20) 

Using this equation, the solution resistance of the current system was simulated 

with z of 1, e of 1.60×10−19 A s, d of 0.90 nm and the measured cell constant of 

1.55 cm−1. The calculated and experimental solution resistances are summarized 

in Figure  6.6. Both solution resistances decreased with increasing phosphate 

concentration below 1.8 mol L−1, and further denser conditions increased the 

solution resistances. The observed response of the solution resistance to the 

concentration change was well reproduced by the simulation. The decrease in 

the resistance below 1.8 mol L−1 originated from the concentration increase, and 

its increase above 1.8 mol L−1 was due to the increase of the kinematic viscosity, 

as seen in Equation 6.20. This observation suggests that higher electrolyte 

concentrations would improve the solution conductivity below a certain 
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concentration, indicating that denser is not always better to minimize the ohmic 

drop. Further discussions on the solution resistance can be found in Chapter  7. 

This study demonstrated the importance of the electrolyte concentration on the 

electrocatalytic performance. This finding is critical in deciding the experimental 

and commercial conditions for any type of electrochemical reactions.  

 

Figure 6.6. Calculated and experimental solution resistances as a function of the 

phosphate concentration at 298 K. 

6.3. Summary 

Electrochemical investigations of dissolved gases conversion in electrolyte 

solutions with various phosphate concentrations (0.2−4.2 mol L−1) using a 

polycrystalline Pt disk electrode demonstrated that current densities for both the 

ORR and HOR logarithmically decreased with increasing solute concentration. 
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The analysis identified the three diffusion parameters contributing to determine 

the overall electrochemical performance: gas solubility, the kinematic viscosity 

and the diffusion coefficient. These parameters altered the mass transfer flux of 

the dissolved gases, which in turn accurately described the decrease in the 

ORR/HOR limiting diffusion currents according to the Levich equation. The 

obtained results enable to select the contributing parameters quantitatively to 

maximize the electrocatalytic performance for reactions with gases. The change 

in electrolyte property induced by the solute concentration (gas solubility 

decrease, kinematic viscosity increase and diffusion coefficient decrease with 

increasing electrolyte concentration) can be universally valid, as predicted by the 

theoretical analysis for the mass transfer parameters. Thus, the findings in this 

study are expected to be applicable to other aqueous gas-involved 

electrochemical reactions, leading to, e.g., designing an effective fuel cell system 

with a liquid electrolyte junction. 

6.4. Experimental Section 

Cyclic voltammetry was performed using a rotating disk electrode (RDE) 

system. A Pt disk electrode with 3.0 mm diameter (0.071 cm2 geometric surface 

area) was purchased from BAS Inc. Various concentrations of phosphate 

(>99.5% Na2HPO4 or 99.0% NaH2PO4) was used as an electrolyte, the pH of 

which was adjusted with H3PO4 (HPLC grade, 85−90%) or NaOH (99.99%). All of 

the chemicals were purchased from Sigma-Aldrich. A three-electrode system 

was employed, using a KCl-saturated Ag/AgCl electrode and a platinum wire as 
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reference and counter electrodes, respectively. Linear-sweep and cyclic 

voltammograms measurements were conducted using a 16-channel, research-

grade potentiostat system (VMP3) from BioLogic Science Instruments. Before 

and during all of the experiments, oxygen or hydrogen was continuously supplied 

into the cell. The disk rotation speed was controlled at 1600–4900 rpm. All of the 

current densities described in this report were expressed in terms of the 

geometric electrode surface area. To exclude the influence of the electrolyte 

resistance, the ohmic resistance was measured by electrochemical impedance 

spectroscopy, and all of the current-potential relationships described in this report 

were iR-corrected. The cell constant was evaluated using a standard solution of 

One-Shot conductivity calibration standards (00652-66, 1002 ohm cm, purchased 

from Fisher Scientific Inc.). The kinematic viscosity of the solution was measured 

using VISCO-SYSTEM AVS-370 (SI Analytics GmbH, Mainz) with the capillary 

532 03 (instrument constant: 0.003138 mm2 s−2) or 532 10 (instrument constant: 

0.009567 mm2 s−2). 
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7. Electrolyte Engineering toward Efficient Hydrogen Production with Gas 

Crossover Regulation under Buffered Near-Neutral pH Conditionsg 

This chapter tackles the core issues associated with near-neutral pH water 

splitting, particularly regarding electrolyte engineering in the electrocatalysis and 

product cross-over. The hydrogen evolution reaction (HER) was investigated on 

Pt, Ni and NiMo catalysts in various concentrations of cations and anions to 

describe their performances by quantifying kinetics and mass transport. The 

choice of electrolyte in terms of its identity and activity drastically altered the HER 

performance. Electrolyte properties (activity coefficient, kinematic viscosity and 

diffusion coefficient) accurately described the mass transport contribution, which 

was easily isolated when a highly active Pt catalyst was used. The HER rate on 

the Pt was maximized by tuning the solute concentration (typically 1.5–2.0 mol 

L−1). Moreover, the kinematic viscosity and oxygen solubility under such densely 

buffered conditions governed the oxygen mass transport flux in the electrolyte, 

which in turn tuned the cross-over flux. At near-neutral pH, as high as 90% 

selectivity toward the HER was achieved even under an oxygen saturated 

condition, where only a 40 mV overpotential was needed to achieve 10 mA cm−2 

for the HER. This information can be regarded as an important milestone for 

achieving a highly efficient water splitting system at near-neutral pH. 

                                                           
g
 This chapter was adapted with permission from T. Shinagawa and K. Takanabe, J. Phys. Chem. C, 2016, 

DOI: 10.1021/acs.jpcc.5b12137. Copyright (2016) American Chemical Society. 
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7.1. Introduction 

The utilization of renewable energy as an energy source is one of the most 

promising concepts for the construction of a sustainable society. In recent 

decades, drastic progress in solar fuel production has occurred: photovoltaic 

cells can generate electricity from the sunlight,1−4 whereas photoelectrochemical5 

and photocatalytic6−11 water splitting can directly produce hydrogen and oxygen 

by harvesting the sunlight. An electrolyzer can electrochemically split water 

molecules,12,13 which can be conjugated with the photovoltaic cells.14,15 

Importantly, during the photoelectrochemical and photocatalytic water splitting, 

what takes place on the surface is electrocatalysis, in association with the 

photonic processes at the bulk of photon absorber and the interface between the 

photon absorber and electrocatalyst.11 Electrocatalysis will thus certainly play a 

crucial role in the solar fuel production process in the future. 

Most of the studies regarding the electrochemical hydrogen evolution 

reaction (HER) have been carried out under kinetically-preferred, extremely 

acidic16−21 and alkaline conditions.20−27 Recently, some studies have been 

dedicated to the HER under near-neutral pH conditions.28−33 In typical supporting 

electrolytes, e.g., Na2SO4 or NaClO4,
30,31 the reactant for the HER at near-neutral 

pH has to be the water molecule to obtain a substantial hydrogen production rate 

(for example, approximately −10 mA cm−2, corresponding to ≈10% solar to 

hydrogen efficiency).30−32 Under such conditions, reactant mass transport flux 

becomes slower than the surface hydronium ion reduction rate due to smaller 
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hydronium ion activities. In unbuffered near-neutral pH electrolyte solutions, 

therefore, a huge additional overpotential is required to obtain higher electric 

currents compared with those at acidic or alkaline pH levels.32 However, in 

buffered electrolyte solutions, this two-step HER (hydronium ion reduction 

followed by water molecule reduction) is not practically observed and instead 

only a monotonic increase in reduction current is obtained.28,29 The resultant 

onset potential is reported to be ≈0 V on the reversible hydrogen electrode (RHE) 

scale using Pt as an electrode, which is comparable to those in acidic and 

alkaline solutions.28,29,34 Some claim that the reactant under such condition is 

likely the weak acid itself, e.g., phosphate species (H2PO4
− and HPO4

2−).35−39 In 

Chapter  5, it is described that HER performances show a volcano-shaped trend 

with the solute concentration under buffered near-neutral pH conditions, 

exhibiting the highest performance at approximately 2 mol L−1 (in sodium 

phosphate solution at pH 5).35 It is revealed that the HER under densely-buffered 

conditions over Pt electrocatalysts is predominantly governed by a mass 

transport of weak acid ions. The concentration overpotential in a solution denser 

than 1.0 mol L−1 is calculated to be as high as 50% among kinetic overpotential, 

concentration overpotential and potential drop induced by the solution resistance. 

Although it has not been experimentally identified whether the weak acid ions 

directly react on the surface, mass transport of a proton source (e.g., phosphate 

ions) to an area with close proximity to the catalyst surface predominantly 

determines the HER current on the Pt catalyst. This finding suggests that a fine 
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electrolyte tuning will lead to much higher mass transport and result in higher 

HER performances under near-neutral pH conditions.  

On the other hand, oxygen gases evolve at the anode (oxygen evolution 

reaction, OER) during water splitting. Typically, active catalysts for the HER also 

show good oxygen reduction reaction (ORR) performances, as has been 

intensively studied, such as Pt40−43 and multi-metal catalysts.44−49 Therefore, the 

evolved oxygen, which can be transported from the anode to the cathode, is 

reduced back to a water molecule. In typical water splitting cells for both 

electrochemical and photocatalytic water splitting, when use of a membrane is 

omitted, the crossover of the product significantly lowers the total efficiency 

mainly via the undesired competitive reaction. Therefore, the concept of oxygen-

tolerant HER is of great significance.50 Recently, some novel ways have been 

proposed to avoid this efficiency loss: core-shell structured materials that 

selectively suppress the oxygen molecule mass transport to the reduction 

site10,11,51,52 and more selective catalysts toward the HER (high HER activity and 

poor ORR activity).53 As discussed in Chapter  6, I carried out an ORR study 

under densely-buffered conditions over a Pt electrocatalyst, showing that 

electrolyte properties (gas solubility, the kinematic viscosity and the diffusion 

coefficient) solely govern the oxygen mass transport in the densely-buffered 

electrolyte solution.43 The study implies that a careful choice of electrolyte leads 

to a drastic reduction in oxygen mass transport within the cell. The lowered 

oxygen mass transport will result in reduced gas cross-over to the cathode, 

which in turn will increase the cell efficiency.  
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Efficient hydrogen production with controlling oxygen cross-over is thus 

crucial for efficient water splitting. The aforementioned discussion proposes that 

the regulation of mass transport of both proton source and dissolved gases can 

be majorly achieved by utilizing a buffered solution, irrespective of the catalyst 

nature. Herein, this chapter quantitatively discusses the effects of solute identity 

on the HER and ORR, including the HER in the presence of oxygen, under 

densely-buffered conditions. Various electrolyte solutions (KH2PO4, K2HPO4, 

K3PO4, LiH2PO4, NaH2PO4, NaHCO3, HClO4, KOH and a mixture of them) were 

used with a variety of solute concentrations (0.01–3.0 mol L−1). Observed HER 

performances under buffered near-neutral pH conditions were well reproduced 

by the diffusion coefficient and mean activity coefficient of weak acids (H2PO4
−, 

HPO4
2− etc.). Additionally, the gas mass transport flux was found to be 

universally and quantitatively described by the solution viscosity, the gas 

solubility and the diffusion coefficient. This benchmarking study disclosed that all 

the HER and ORR performances over Pt electrocatalysts were predictable, which 

allowed us to pin down the optimal conditions. Under such conditions (1.5 mol 

L−1 NaH2PO4 or 1.5 mol L−1 40% K2HPO4 + 60% KH2PO4), the overpotential 

required to achieve −10 mA cm−2, equivalent to an approximately 10% solar to 

hydrogen efficiency, was found to be less than 40 mV, where the selectivity to 

the HER in the presence of oxygen was as high as 90%. The finding in this 

study, combined with the appropriate catalyst identity toward oxygen-tolerant 

hydrogen production, will lead to further progresses and practical applications of 

water splitting for future solar fuel production. 
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7.2. Results and Discussion 

This chapter demonstrates the concept that a fine tuning of electrolyte 

properties leads to a controlled electrochemical hydrogen evolution reaction 

(HER) and oxygen reduction reaction (ORR) under buffered near-neutral 

conditions. First, the HER in various electrolyte solutions will be discussed, 

showing how apparent HER performances are altered by electrolyte solutions. 

Then, the ORR will be examined to evaluate gas mass transport in the cell. The 

HER and ORR will be combined to describe the HER in the presence of oxygen. 

Finally, the beneficial effects of solution resistance at high solute concentrations 

are discussed.  

7.2.1. Hydrogen Production 

The HER was investigated using Pt, Ni disk and NiMo electrode as a model 

catalyst in various electrolyte solutions under buffered conditions. As discussed 

in Chapter  5, in buffered solutions, the HER performances are shown to increase 

with the solute concentration at lower concentration regime, whereas further 

denser solutions lower mass transport, resulting in poorer performances.35 The 

highest HER performance was obtained at approximately 2.0 mol L−1 in a sodium 

phosphate solution at pH 5, where the concentration overpotential was calculated 

to be significantly huge (accounting for more than half of the required 

overpotential).35 If such is the case, then tuning electrolyte properties toward 

improved mass transport is anticipated to enhance the HER at near-neutral pH. 

The factors governing the apparent HER performance in the buffered solution are 
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(1) diffusion coefficient and (2) mean activity coefficient of the electrolyte 

solution.35 The former, i.e., the diffusion coefficient D, is theoretically obtained by 

using the Stokes-Einstein equation:56 

3

kT
D

d 
 , (7.1) 

where k is Boltzmann’s constant; T is the absolute temperature; d defines the 

effective diameter of an ion and μ denotes the solution viscosity. The equation 

shows that the diffusion coefficient is described by the effective sizes of ions in 

the solution (≈hydrated size) and the solution viscosity at a given temperature. 

Among typical alkali cations, the following order was obtained regarding their 

sizes in the aqueous liquid phase (the size of ions with hydration):57,58 

Li+ > Na+ > K+ > Cs+ (7.2) 

For the anion in the buffered solution, e.g., phosphate, the following was 

found:57,58 

H2PO4
− ≥ HPO4

2− (7.3) 

The viscosity of such electrolyte solution was available in the literature, as 

follows:59  

Li+-A > Na+-A > K+-A > Cs+-A; A = H2PO4
− and HPO4

2− (7.4)  

M-H2PO4
− < M-HPO4

2−; M = Li+, Na+, K+ and Cs+ (7.5) 
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(7.2)−(7.5) gave the order of the diffusion coefficient among simple alkali metal 

phosphate solutions: 

Li+-A < Na+-A < K+-A < Cs+-A; A = H2PO4
− and HPO4

2− (7.6) 

M-H2PO4
− > M-HPO4

2−; M = Li+, Na+, K+ and Cs+ (7.7) 

On the other hand, quantitative description of the mean activity coefficient is still 

under debate.60−66 Nevertheless, the existing literature allows us to discuss it at 

least qualitatively. Based on the “like sees like”61 or “matching water affinity”62 

concept,60 the following order of the mean activity coefficient γ was obtained for 

the alkali metal phosphate solution: 

Li+-A > Na+-A > K+-A > Cs+-A; A = H2PO4
− (7.8)  

Li+-A < Na+-A < K+-A < Cs+-A; A = HPO4
2− (7.9)  

and  

M-H2PO4
− > M-HPO4

2−; M = Li+ and Na+ (7.10) 

M-HPO4
2− < M-H2PO4

−; M = K+ and Cs+ (7.11) 

Figure  7.1 describes a clear illustration of the aforementioned trend as a matrix. 

Because higher diffusion coefficients and mean activity coefficients are 

anticipated to result in apparently higher HER performances, the optimal 

conditions can be theoretically found at (a) Na- or K- H2PO4, (b) KxH3−xPO4 (1 < x 

< 2) and (c) CsxH3−xPO4 (1 < x < 2). This rationale is experimentally examined in 

the following. 
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Figure 7.1. Schematic visualization of changes in the mean activity and diffusion 

coefficient with kinds of anions and cations for alkali metal phosphate solutions. 

The HER in 1.5 mol L−1 MH2PO4 (M = Li, Na and K) was investigated, and 

linear-sweep voltammograms are shown in Figure  7.2. In all the cases, 

monotonically increasing currents were observed below 0 V vs. RHE. Regarding 

cation effects on the apparent HER in monobasic phosphate solutions, a 

volcano-shaped dependence was observed, e.g., NaH2PO4 showed the smallest 

overpotential among them. Notably, as will be discussed later, a higher HER 

performances were obtained in NaH2PO4 than those in LiH2PO4 and KH2PO4 in a 

wide range of concentrations (0.1–1.5 mol L−1).  
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Figure 7.2. Linear-sweep voltammograms using a polycrystalline Pt disk 

electrode in 1.5 mol L−1 MH2PO4 (M: Li, Na and K) electrolyte solutions with 

bubbling hydrogen (conditions: −50 mV s−1, 3600 rpm and 298 K). 

Additionally, in Figure  7.3, experimentally observed potentials reaching −10 mA 

cm−2 are compiled for various electrolyte solutions. Figure  7.3a shows the 

potential as a function of coefficient x in the 1.5 mol L−1 KxH3−xPO4, where x = 1 

and x = 2 correspond to compositions equivalent to KH2PO4 and K2HPO4, 

respectively. The required overpotential first decreased with increasing x from 

1.0, reaching the smallest (35.0±1.3 mV) at x ≈ 1.2, and then monotonically 

increased. On the other hand, in Figure  7.3b, where the potential is compiled 

against x in 1.5 mol L−1 NaxH3−xPO4, a monotonic increase in the overpotential 

with the Na+ concentration was observed. It is worth noting that the solubility of 
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Na2HPO4 (x = 2.0) is lower than 1.5 mol L−1.59 From now on, the mixed solutions 

of MH2PO4 and M2HPO4 are referred as M-phosphate in this study.  

 

Figure 7.3. Experimentally observed potentials reaching −10 mA cm−2 over a 

polycrystalline Pt disk electrode in 1.5 mol L−1 phosphate solutions with various 

(a) K+ or (b) Na+ concentrations with bubbling hydrogen (conditions: −50 mV s−1, 

3600 rpm and 298 K). 

All the observations described in the figures are consistent with the theoretical 

rationale in Figure  7.1. If the observed electrolyte dependent HER performance 

originates from the electrolyte identity, the same observation is expected in the 

HER using different electrodes. Indeed, the same electrolyte dependence was 

observed for Ni disk and NiMo electrodes as shown in Figure  7.4.  
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Figure 7.4. Potentials reaching −10 mA cm−2 in (a) various electrolyte solutions 

and (b) various composition of K-phosphate over a polycrystalline Ni disk 

electrode with bubbling H2 (conditions: −50 mV s−1, 3600 rpm, 298 K). (c) 

Potentials reaching −10 mA cm−2 over NiMo electrode in 1.5 mol L−1 phosphate 

solutions with various K+ composition with bubbling H2. 

The observation strongly supports the hypothesis: the HER under densely 

buffered conditions is predominantly determined by the diffusion properties of the 

electrolyte. It is worth emphasizing that under buffered near-neutral pH 
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conditions, lower pH does not give higher HER performances. Figure  7.5 

summarizes the overpotential with respect to the solution pH, clearly indicating 

that free proton is not responsible for the HER performance. 

 

Figure 7.5. Experimentally observed potentials, reaching −10 mA cm−2, as a 

function of pH in various electrolyte solutions over polycrystalline (a) Pt and (b) Ni 

disk electrodes with bubbling H2 (conditions: −50 mV s−1, 3600 rpm and 298 K). 

Additionally, all the typical electrolyte solutions (KH2PO4, K2HPO4, K3PO4, 

LiH2PO4, NaH2PO4, NaHCO3, H2SO4, HClO4 and KOH) were examined for the 

HER using the Pt disk electrode, as shown in Figure  7.6 (Also see Figure  7.4a for 

the Ni disk). In the figure, potentials reaching −10 mA cm−2 are plotted as a 

function of the solute concentration.  
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Figure 7.6. Experimentally measured potentials reaching −10 mA cm−2 in various 

electrolyte solutions over a polycrystalline Pt disk electrode with bubbling 

hydrogen (conditions: −50 mV s−1, 3600 rpm and 298 K). 

In all the buffered near-neutral electrolyte solutions (KH2PO4, K2HPO4, 

LiH2PO4, NaH2PO4 and NaHCO3), the overpotential was volcano-shaped with the 

solute concentration, with its peak at approximately 1.5–2.0 mol L−1. This 

potential-concentration relationship is most likely ascribable to the weak acid 

mass transport, as demonstrated in Chapter  5.35 When the solute concentration 

was as small as ≤ 0.1 mol L−1, observed overpotentials for the HER were quite 

huge: as high as 330 mV for 0.01 mol L−1 NaHCO3, which is much larger than 

those for the typical alkaline conditions (87.8±0.9 mV in 0.1 mol L−1 KOH). 

Interestingly, above that threshold concentration, higher HER performances were 

observed under the buffered near-neutral conditions than those in KOH or K3PO4 
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(alkaline) solutions. This likely results from the difference in the reactant: the 

proton or weak acid is the reactant under buffered near-neutral conditions,35−39 

whereas the water molecule is reduced at alkaline pH.30−32 In all of the 

concentration regimes, the HER was found to be the most facile under acidic 

conditions (HClO4 and H2SO4). Notably, the solute concentration change in 

HClO4 electrolyte solution did not alter any apparent HER performances, 

consistent with the literature.30 One may wonder if denser HClO4 is more viscous, 

which is expected to lower the diffusion coefficient. According to the literature, 

the viscosity of HClO4 is little altered by its concentration.59,68 As a concluding 

remark in this section, the hydrogen production can indeed be tuned by the 

choice of electrolytes at near-neutral pH. The highest performances for the HER 

were found in 1.5 mol L−1 NaH2PO4 (37.8±1.0 mV) and K-phosphate (1.8 mol L−1 

K+ & 1.5 mol L−1 phosphate), which is predictable from the electrolyte properties 

of effective ion sizes, solution viscosity and mean activity coefficient.  

7.2.2. Oxygen Mass Transport 

The ORR was investigated to quantitatively evaluate oxygen mass transport 

under the comparable conditions. According to the literature,67 the following 

Levich equation has been well established as describing the mass transport 

limited current density (limiting diffusion current density): 

1 2 1 6 2 30.62
L
j nF D C   , (7.12) 

where jL is the Levich current density; n defines the number of involved electrons; 

F is Faraday’s constant; ω defines the disk rotation speed (3600 rpm ≈ 377 rad 
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s−1); v is the solution kinematic viscosity and δC represents the difference in the 

reactant concentrations between the surface and bulk. Typically, when the 

equation is applied to the ORR, the properties of water are used to describe the 

limiting diffusion current. When denser solutions are utilized, however, the altered 

properties (kinematic viscosity, diffusion coefficient and reactant concentration) 

have to be taken into consideration. As previously described in Chapter  6,43 

under buffered near-neutral pH conditions, the solution viscosity increases, 

diffusion coefficient decreases and gas solubility decreases with increasing 

solute concentration. The observed limiting diffusion current for the ORR was 

found to be well described by these altered properties.43 The finding in the study 

can be applied to all gas conversion reactions: by tuning the viscosity, the 

diffusion coefficient and the gas solubility, the mass transport can be well 

controlled.  

To prove this concept, various electrolyte solutions were used for the ORR 

study, e.g., KH2PO4, K2HPO4, K3PO4, LiH2PO4, NaH2PO4, NaHCO3, HClO4 and 

KOH. The kinematic viscosity can be found in the literature,59,68 and the gas 

solubility is calculated using the Sechenov equation:69 

 ,0log G

i G i

G

c
h h c

c

 
   

 
, (7.13) 

where cG,0 and cG represent the gas solubility in pure water and an electrolyte 

solution, respectively; hi and hG are constants that depend on the ion and gas, 

respectively, and ci is the molar salt concentration. The obtained oxygen 
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solubility and kinematic viscosity for representative solutions are compiled in 

Figure  7.7. The oxygen solubility in all the buffered solutions decreased with the 

solute concentration (Figure  7.7a and Figure  7.7b), and the kinematic viscosity 

was found to increase in denser solutions (Figure  7.7c).  

 

Figure 7.7. Oxygen solubility in various electrolyte solutions of (a) Na+ with 

H2PO4
−, HPO4

2−, PO4
3−, HCO3

− or CO3
2− and (b) Li+, Na+, K+, Rb+ or Cs+ with 

H2PO4
−, calculated using the Sechenov equation; (c) kinematic viscosity of alkali 

metal (Na+ or K+) with various anion (H2PO4
−, HPO4

2− or HCO3
−) electrolyte 

solutions, taken from the literature;59 (d) calculated limiting diffusion currents for 

the oxygen reduction reaction in various electrolyte solutions. 
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Using the Stokes-Einstein equation, diffusion coefficients in such electrolytes 

were calculated. With all the obtained values of kinematic viscosity, diffusion 

coefficient and gas solubility, limiting diffusion currents were calculated and are 

summarized in Figure  7.7d. In all cases, smaller limiting diffusion currents were 

obtained by increasing the solute concentration, showing the following order in 

different electrolyte solutions at a given solute concentration: 

NaHCO3 ≈ KH2PO4 > NaH2PO4 > K2HPO4, (7.14) 

This order is expected to reflect the trend of the oxygen mass transport flux.  

The prediction was experimentally examined, as shown in Figure  7.8. In 

Figure  7.8a, all ORR limiting diffusion currents decreased with increasing solute 

concentration, except for HClO4, and the following order of limiting diffusion 

currents was obtained in the buffered near-neutral solutions: 

NaHCO3 > KH2PO4 > NaH2PO4 > K2HPO4, (7.15) 

which totally agrees with the aforementioned expectation of (7.14). Therefore, it 

can be concluded that each electrolyte exhibits its properties, which solely 

determines the gas mass transport. Notably, the identities of gases merely 

change their solubility and effective size; thus, the same argument is applicable 

to different gas conversion reactions, such as hydrogen oxidation reaction 

(HOR). As seen in Figure  7.8b, where the observed limiting diffusion currents for 

the HOR are plotted against the solute concentration, the same order as in (7.14) 

was obtained. These results reveal the universality of the concept regarding the 
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electrocatalysis of dissolved gases: the mass transport can be well described by 

kinematic viscosity, the diffusion coefficient and the reactant concentration.  

 

Figure 7.8. Experimentally observed electric current densities at 400 mV vs. 

RHE in various electrolyte solutions over a polycrystalline Pt disk electrode with 

(a) oxygen and (b) hydrogen bubbling (conditions: −50 mV s−1, 3600 rpm, 298 K). 

7.2.3. Hydrogen Production in the Presence of Oxygen 

Both the HER and ORR under densely-buffered conditions have been 

shown to be majorly governed by the electrolyte properties, i.e., effective sizes of 

ions, (kinematic) viscosity of the solution, mean activity coefficient and gas 

solubility. Tuning the electrolyte property can lead to improved overall hydrogen 

production rates and lowered oxygen mass transport flux. Based on experimental 

observation, in this section, the separately measured HER and ORR are 

compared, and the HER in the presence of oxygen is also discussed.  

In the previous sections, I have addressed current densities 



236 
 

(HER) at −50 mV vs. RHE in hydrogen  

(ORR) at 400 mV vs. RHE in oxygen (as the limiting diffusion current)  

Additionally, the hydrogen production with oxygen bubbling was experimentally 

examined. Figure  7.9 compiles the measured current densities at −50 mV vs. 

RHE in the presence of oxygen against the sum of separately measured HER 

and ORR currents. A clearly linear relationship was observed, implying that the 

HER and ORR most likely do not interfere each other.  

 

Figure 7.9. Comparison between current density in oxygen at −50 mV vs. RHE 

(y-axis) and summation of current density in oxygen at 400 mV vs. RHE with that 

in hydrogen at −50 mV vs. RHE (x-axis), recorded in various electrolyte solutions 

using a polycrystalline Pt disk electrode (conditions: −50 mV s−1, 3600 rpm and 

298 K). 
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This finding allows for quantifying the HER selectivity in the presence of oxygen 

(Faradaic efficiency to the HER) based on the separately measured HER and 

ORR:  

HER
Selectivity to the HER

HER + ORR
 . (7.16)  

 

Figure 7.10. Calculated Faradaic efficiency to the HER in various electrolyte 

solutions using a polycrystalline Pt disk electrode. a: Various x in 1.5 mol L−1 

NaxH3−xPO4 and b: Various x in 1.5 mol L−1 KxH3−xPO4. 
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In Figure  7.10, calculated selectivity to the HER is summarized for all the 

electrolyte solutions investigated: KH2PO4, K2HPO4, K3PO4, LiH2PO4, NaH2PO4, 

NaHCO3, HClO4, KOH, K-phosphate and Na-phosphate. Figure  7.11 provides a 

direct comparison of the HER vs. the ORR).  

 

Figure 7.11. Comparison between experimentally observed electric current 

densities with H2 bubbling at −50 mV vs. RHE (y-axis) and those with O2 

bubbling at 400 mV vs. RHE (x-axis) in various electrolyte solutions over a 

polycrystalline Pt disk electrode (conditions: −50 mV s−1, 3600 rpm and 298 K). 

Under buffered near-neutral conditions, increasing the solute concentration led to 

improved HER selectivity. This is consistent with those results that were 

separately described for the improved HER and lowered ORR in the previous 

sections. Notably, at alkaline pH (KOH and K3PO4), the apparent HER activity 

was not simply increased with the solute concentration, as seen in Figure  7.6, 
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whereas ORR limiting diffusion currents decreased with the solute concentration 

(Figure  7.8), which gives a different selectivity dependence on the solute 

concentration from those at near-neutral pH. It is worth noting that although the 

selectivity in HClO4 is as high as approximately 80%, the yield to ORR is the 

highest among the electrolyte solutions investigated as seen in Figure  7.8 and 

Figure  7.11. The highest selectivity was found to be 89% (2.1 mol L−1 K-

phosphate). The ones larger than 80% were observed in denser solutions: >2.0 

mol L−1 LiH2PO4, >1.5 mol L−1 NaH2PO4, >1.5 mol L−1 KH2PO4, K-phosphate and 

Na-phosphate.  

In Figure  7.12, typical linear-sweep voltammograms (LSVs) with various 

gases bubbling in the selected electrolyte solutions are shown: (a) 2.1 mol L−1 K-

phosphate (highest HER selectivity), (b) 3.0 mol L−1 K2HPO4 (lowest ORR), (c) 

1.0 mol L−1 HClO4 (typical acidic solution) and (d) 1.0 mol L−1 KOH (typical 

alkaline solution). Substantial differences between LSVs in oxygen and hydrogen 

bubbling were found in acidic and alkaline solutions. Under densely-buffered 

conditions, however, cathodic polarization curves in various gases below 0 V vs. 

RHE were too close to differentiate from each other. Specifically, when a solution 

was significantly dense, e.g., in 3.0 mol L−1 K2HPO4, the polarization curves 

overlapped, showing negligibly small gas mass transport. It should be 

emphasized that although the RDE configuration was applied to this study, the 

finding is applicable to other cases. The RDE gives a defined diffusion layer 

thickness,43 which is smaller than those in not stirred and poorly stirred systems. 
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In a system where the RDE is not used, the mass transport is thus anticipated to 

be much slower. 

 

Figure 7.12. Linear-sweep voltammograms using a polycrystalline Pt disk 

electrode bubbling with different gases (argon, hydrogen or oxygen) in (a) 2.1 

mol L−1 K+ and 1.5 mol L−1 phosphate, (b) 3.0 mol L−1 K2HPO4, (c) 1.0 mol L−1 

HClO4 and (d) 1.0 mol L−1 KOH (conditions: −50 mV s−1, 3600 rpm and 298 K). 

7.2.4. Solution Resistance 

The overpotential in the electrolysis cell is predominantly composed of 

kinetic overpotential, concentration overpotential and voltage drop induced by the 
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solution resistance. The ohmic loss by the solution resistance is one of the most 

significant parameters that determine the overall cell efficiency. Figure  7.13 

compiles the measured resistivity of the various electrolyte solutions.  

 

Figure 7.13. Solution resistivity in various electrolyte solutions measured by 

impedance (100 kHz, amplitude 10 mV and 298 K). Of note, the cell constant in 

the current RDE experimental set up was 1.55 cm−1.43 

In all cases, the resistivity decreased with increasing solute concentration, down 

to approximately 1.5 mol L−1. Further denser solutions exhibited increased 

solution resistivity. The resistivity ρ is theoretically described by the following 

equation:43,56 

2

3 d

z ecF


  , (7.17) 
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which can be converted into the solution resistance R: 

cell
R K  , (7.18) 

where Kcell is the cell constant; ν denotes the solution viscosity; a represents the 

effective sizes of the ion; z is the valence of the ion; c stands for the solute 

concentration; e is the elementary charge and F is Faraday’s constant. With 

respect to the solution resistivity, Equation 7.17 indicates that increasing the 

solute concentration leads to less resistivity, whereas too dense solution results 

in more resistivity due to increased viscosity. Thus, there should be optimal 

conditions where the solution resistance is minimized. Most of the buffered 

solutions showed minimum values at approximately 1.5–2.0 mol L−1, exhibiting 

interesting matching with the optimized values for diffusion contribution 

mentioned earlier. The measured solution resistivity of KOH monotonically 

decreased with increasing solute concentration (0.1–2.0 mol L−1). The measured 

solution resistivity of 2.0 mol L−1 KOH in this study was approximately 6 ohm cm. 

The literature shows that the minimum solution resistivity of KOH is obtained at 

approximately 6–8 mol L−1 concentration:70 1.56 ohm cm,71 which is also 

commercially used for alkaline electrolyzers. Although these resistivity are much 

smaller than those obtained under the near-neutral pH conditions with optimized 

solute concentrations (11–16 ohm cm in KH2PO4), the HER kinetics at alkaline 

pH is much sluggish compared to the optimized near-neutral pH, as discussed in 

Figure  7.6, likely due to differences in the reactants (water molecule vs. proton 

associated with weak acid). The lower HER reaction rate at alkaline pH makes 
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the HER at near-neutral pH comparable to it: the cathodic overvoltage and iR 

loss to achieve 10 mA cm−2 water electrolysis is 130 mV at near-neutral pH (1.5 

mol L−1 K1.2H1.8PO4) and 85 mV to that at alkaline pH (0.5 mol L−1 KOH: 85 mV), 

with 1 cm × 1 cm NiMo electrode and 1 cm of electrode distance (Kcell = 0.5 

cm−1). As the water splitting cell scales up (wider surface area and smaller 

electrode distance), the solution resistance becomes smaller due to smaller cell 

constant. Therefore, under more practical conditions, water electrolysis at near-

neutral pH becomes greatly comparable to that at alkaline pH. Furthermore, it is 

emphasized that dual benefits are noticeable for the densely buffered condition 

compared to the commonly used buffer concentration (≤ 1 mol L−1): improved 

diffusion properties of ions (reduced concentration overpotential) and improved 

conductivity (reduced iR loss).  

This chapter describes not only a very fundamental aspect of H2/O2 

aqueous electrochemistry but also quite promising results, such as the 

electrolysis performance. Notably, when the potential applied to the reduction 

catalyst during water splitting (tentatively considered as −50 mV vs. RHE in this 

study) is more negative, the selectivity to the HER can be much higher. A careful 

choice of electrolyte solutions will most likely lead to drastically improved cell 

efficiency for electrochemical, photoelectrochemical and photocatalytic water 

splitting. The remaining aspects for kinetics, diffusion and solution resistance 

include their temperature and pressure dependence, which drastically alters 

overall cell efficiency. This study focused on ambient electrolysis associated with 

commonly-studied photoelectrochemical reactions, photocatalysis and 
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biocatalysis. In the required operation conditions of the practical application, 

these aspects should be properly taken into account. The new insight 

pronounced in this study will advance and improve the existing water splitting 

devices and relevant chemistries. 

7.3. Summary 

Regarding oxygen crossover-free hydrogen production, hydrogen evolution 

reaction (HER) and oxygen reduction reaction (ORR) were investigated in detail 

under near-neutral pH conditions. The performed examination revealed that 

mass transport properties of the electrolyte and the dissolved oxygen drastically 

affected both HER and ORR performance. This observation indicates that, 

irrespective of the catalyst, the performances are universally governed by the 

identity and molarity of the solute. The factors determining the HER performance 

are the diffusion coefficient of buffered-species and the mean activity coefficient, 

the tuning of which gave expected improvement in overall HER currents. A 

benchmark study in various electrolytes revealed optimal conditions for the HER 

at near-neutral pH, where −10 mA cm−2 (≈10% solar to hydrogen efficiency) was 

achievable with an overpotential of less than 40 mV, which is superior to that at 

alkaline pH of 1.0–2.0 mol L−1 KOH and becoming comparable to that at acidic 

pH of 0.1–1.5 mol L−1 HClO4. On the contrary, the ORR performance was 

governed predominantly by descriptive gas mass transport flux associated with 

gas solubility, the kinematic viscosity and the diffusion coefficient. Combining the 

knowledge obtained in the HER and ORR study allowed to quantify the hydrogen 
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production in the presence of oxygen. At −50 mV vs. RHE, as high as 90% of 

selectivity to the HER in oxygen-saturated condition was observed in the 

KH2PO4-K2HPO4 mixture (ratio of 4/6 at 1.5 mol L−1), where −10 mA cm−2 for the 

HER was achieved over a Pt catalyst. Such densely buffered concentrations also 

minimize the solution resistance, giving additional improvement for the overall 

HER performance. This study demonstrated the significance of electrolyte 

choice, which has been overlooked in many cases. Importantly, this study also 

highlighted a capacity of electrolysis at near-neutral pH, where lower CO2 

solubility and more material choices are provided. This fundamental yet crucial 

study will shed light on the wider application of electrolysis for solar fuel 

production.  

7.4. Experimental Section 

A rotating disk electrode (RDE) configuration was applied to our study to 

control the mass transport phenomena unless otherwise specified. A 

polycrystalline Pt and Ni disk electrode with a 3.0 mm diameter (0.071 cm2 

geometric surface area) was purchased from BAS, Inc. Before each 

measurement, the disk-electrode was polished first with 1 μm diamond and then 

with 0.05 μm alumina (both purchased from BAS, Inc.). The disk rotation speed 

was controlled at 1600–4900 rpm. NiMo electrocatalysts were electrochemically 

deposited onto Ni foam.54,55 A Ni foam with 1 cm × 1cm geometric surface was 

immersed in the bath, which contains 0.02 mol L−1 sodium molybdate 

(Na2MoO4·2H2O, 99.99% Sigma-Aldrich), 0.04 mol L−1 nickel chloride 
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(NiCl2·6H2O, Sigma-Aldrich) and 0.89 mol L−1 sodium bicarbonate (NaHCO3, 

99.5 − 100.5%, Sigma-Aldrich). An electric current of −77.5 mA was applied onto 

the Ni foam for 30 min. The obtained NiMo electrode was then kept in 0.5 mol L−1 

KOH solution for 15 h.  

A three-electrode system was employed, in which a KCl-saturated Ag/AgCl 

electrode and a Pt and Ni wire were used as reference and counter electrodes, 

respectively. Various electrolyte solutions purchased from Sigma-Aldrich were 

used: Na2SO4 (≥99.99%), H2SO4 (99.999%), HClO4 (99.999%), NaOH (99.99%), 

KOH (99.99%), Na2HPO4 (99.5%), H3PO4 (99.9%), NaHCO3 (≥99.95%), KH2PO4 

(≥98%), K2HPO4 (≥99%) and K3PO4 (≥95%). Before and during all of the 

measurements, argon (99.999%), hydrogen (produced using a NMH2 300 

Hydrogen Generator, D. B. S. Strumenti Scientifici S.p.A.) or oxygen (99.9995%) 

was continuously supplied. Cyclic and linear-sweep voltammogram 

measurements were performed at 298 K with a scan rate of 50 mV s−1 using a 

16-channel, research-grade potentiostat system (VMP3) purchased from 

BioLogic Science Instruments. All of the current densities described in this report 

are expressed in terms of the geometric electrode surface area, and all of the 

current-potential relationships have been iR-corrected using measured 

impedance values (100−200 kHz, amplitude 10 mV and 298 K) unless otherwise 

specified.  
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8. New Insight into the Hydrogen Evolution Reaction under Buffered Near-

Neutral pH Conditions: Enthalpy and Entropy of Activationh 

Electrochemical conversion of thermodynamically stable chemicals of water 

and carbon dioxide is regarded as a core technology for achieving sustainability 

in our society. In both cases, the electrochemical hydrogen evolution reaction 

(HER) is a key reaction, particularly at near-neutral pH. This chapter addresses 

the kinetic aspects of the HER in buffered near-neutral pH conditions using a 

variety of electrode materials (W, Ni, Pt, Au and Cu) over a wide temperature 

range (299−346 K). When the overall performance was summarized with respect 

to the binding energy of the reaction intermediate species, a classic volcano-

shaped relationship was obtained. Interestingly, the temperature sensitivity 

analysis disclosed that smaller activation energies did not always lead to higher 

performance in 1.5 mol L−1 K-phosphate solution (pH 5.8). Detailed analysis of 

the temperature- and potential-dependent parameters revealed that smaller 

activation energies coincided with smaller values of the pre-exponential factor in 

the Arrhenius’ equation (associated with the entropy of activation). Due to the 

trade-off relationship of enthalpy-entropy compensation in the current system, the 

conventional approach of mixing elements of lower and higher binding energies 

to the intermediate species failed: even though Ni-Cu showed lower apparent 

activation energy, its activity towards the HER was between that of Ni and Cu 

due to the lowered entropy of activation. This study demonstrates the unrevealed 

fundamental aspects of the HER in buffered near-neutral condition, which 

                                                           
h
 This chapter was adapted from T. Shinagawa and K. Takanabe, “New insight into the hydrogen evolution 

reaction under buffered near-neutral pH conditions: enthalpy and entropy of activation”, submitted.  
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contributes to the rational development of efficient energy and material 

conversion systems.  

8.1. Introduction 

The utilization of renewable energy sources has been considered a 

promising concept to establish a sustainable society. Particularly, converting 

chemicals using electricity generated in a renewable manner, i.e., 

electrochemical energy conversion, potentially realizes sustainable energy and 

material circulation in our society. Recent decades have witnessed intensive 

research efforts dedicated to the electrochemical conversion of 

thermodynamically stable chemicals, such as water and carbon dioxide.  

The hydrogen evolution reaction (HER) is a half reaction that composes 

electrochemical water splitting. Historically, a variety of materials have been 

examined for the HER, revealing a correlation between material properties (e.g., 

metal-hydrogen binding energy; M-H) and overall performance towards the HER. 

The correlation is represented by a volcano-shaped trend, which is a typical 

example of the Sabatier principle: materials that bind intermediates not too 

strongly and not too weakly achieve the highest performance.1−7 Noble metals, 

such as Pt, Pd and Rh, are located at the top of the volcano relationship for the 

HER, which are considered to possess the optimal M-H binding energy according 

to the Sabatier principle.  
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Although the material property is doubtlessly a critical parameter 

determining catalytic performance, the reaction conditions also have to be 

considered with a great care. As the literature recently noted, ions that are not 

reactants but are present in the system drastically alter electrocatalysis.8,9 One 

example of such phenomena is the non-covalent interaction of hydrated ion 

clusters with an electrode surface, which modifies the surface intermediates.10−12 

In addition to such complex phenomena, the pH of the electrolyte has a 

significant impact on the reaction performance13−17 because hydronium or 

hydroxide ions can be direct reactants and their activities are kinetically involved. 

Extreme pH conditions are known to maximize water electrolysis efficiency; 

accordingly, most studies in the field have been dedicated to highly acidic6,7,18−27 

and alkaline25−31 environments. However, increasing attention has recently been 

given to milder conditions of near-neutral pH, which can overcome the safety 

concerns of off-site hydrogen production, prevent the corrosion of materials, and 

contribute to the reduction of the capital cost.9,32,33 A fundamental issue 

associated with the HER at the near-neutral pH in an unbuffered condition is 

reactant switching:13,14 due to the insufficient hydronium ion activity and resultant 

slow hydronium ion mass transport, water molecule has to be the reactant to 

achieve an appreciable reaction rate that is kinetically more sluggish than 

hydronium ion reduction under the condition. At the near-neutral pH, the 

utilization of buffering action has been demonstrated as a promising approach to 

avoid the reduction of water molecule responsible for the HER.16,17 Notably, in 

the buffered near-neutral pH solution, it has been still unclear whether the 
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hydronium ion or the buffered species is the actual reactant.34−37 The study 

compiled in Chapter  5 revealed that mass transport of the buffered species (e.g., 

phosphate) predominantly governs the overall HER performance under the 

buffered near-neutral pH conditions.34 The ion in the system determines the 

mass transport and influences the electrocatalysis; thus, the pH cannot be the 

sole descriptor of electrocatalytic performance. Accordingly, finely tuning 

electrolyte properties (identity and molarity of ions; not pH) led to enhanced HER 

performance most probably due to improved mass transport of the weak acid 

species.38 In an electrolyte that minimizes the concentration overpotential 

(enhanced mass transport of the buffered species), the electrocatalytic 

performance can be more accurately addressed, a study of which will provide a 

solid benchmark for the electrocatalysis under buffered near-neutral pH 

conditions. 

The HER at near-neutral pH is also of significance for CO2 

electroreduction,39−47 where the HER is generally recognized as a disfavored 

side reaction. A variety of materials have been investigated for the reduction of 

CO2 under buffered near-neutral pH conditions, and a volcano-shaped trend was 

also revealed for this reaction.39−41 Among the metal electrodes, Au, Cu and Ag 

exhibit the highest CO2 reduction currents.41 Attempts to selectively suppress the 

HER during the CO2 reduction successfully led to a higher Faradaic efficiency for 

the CO2 reduction.44,45 Obviously from these studies, the HER plays a crucial role 

in the CO2 reduction; nevertheless, comprehensive examination of the HER itself 
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using a variety of materials is lacking in the relevant conditions of the buffered 

near-neutral pH.  

As has been introduced, the volcano-shaped relationship between the 

overall performance and the binding energy of the intermediates to the surface 

has been well recognized for both reactions. However, it has been recently 

claimed that the use of such a descriptor is obsolete mainly because (1) the 

surface cannot always be metallic, which causes an alteration in the binding 

energy, and (2) the influence of the supporting ions is not taken into 

consideration.8,48 Furthermore, the conventional description of the volcano-

shaped relationship uses the overall performance, which is a function of a variety 

of primitive parameters, such as potential-dependent (e.g., Tafel slope and 

electron transfer coefficient) and temperature-dependent (e.g., apparent 

activation energy) parameters. In this sense, to grab a rough idea the Sabatier 

principle is a strong tool, which is however too simplified. 

Another point to note is the huge gap between lab-scale experiments and 

practical processes, which is the operation temperature. The operation 

temperature is elevated at 333–353 K in the industrialized electrolyzers.30,49 

Additionally, electrolysis conjugated with a photon absorber (solar fuel 

production: photovoltaics + electrolyzer configuration,50−52 

photoelectrochemical53,54 and photocatalytic water splitting55−58) can face a 

naturally elevated temperature (even up to approximately 340 K) during its 

operation under solar irradiation, which severely alters the performance.59−62 
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Nevertheless, most of the research has been performed at the room 

temperature, and only a few studies are reported regarding the sensitivity of the 

electrochemical reaction rate to the reaction temperature (Pt,19,25,26,29 Fe,63 Ni64,65 

and Cu66).  

Herein, the current study contributes to the fundamental kinetic 

understanding of the HER in buffered near-neutral pH conditions using various 

electrode materials (W, Ni, Pt, Au, Cu and Ni-Cu) at various temperatures (299–

346 K). The relationship between the HER performance and the electrode 

identity was discussed based on microkinetic analysis. The kinetic parameters of 

the Tafel slope, the exchange current density and the apparent activation energy 

were detailed, which showed a limit of the volcano relationship and disclosed the 

enthalpy-entropy compensation effect under the condition. This study can be 

regarded not only as just HER benchmarking but also as an attempt to elucidate 

the complex microkinetics of electrocatalysis in general, which is an essential 

step towards the rational development of electrocatalytic energy and material 

conversion systems. 

8.2. Results and Discussion 

A variety of electrodes (W, Ni, Pt, Au and Cu) were investigated in this 

study for the hydrogen evolution reaction (HER) at near-neutral pH. As described 

in the introduction, the material identity can be represented by the binding energy 

of the H species adsorbed on the electrode (M-H; M represents metal). Among 
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the materials investigated in this study, Cu and Au are categorized as “weak M-H 

binding”, whereas Ni and W are known to possess “strong M-H binding”.1−7 

Under typical buffered near-neutral pH conditions using a kinetically favored Pt 

catalyst, the HER is predominantly governed by the mass transport of the weak 

acid species, as previously reported in Chapter  5.34 For example, in a buffered 

solution of 0.1 mol L−1 NaH2PO4, linear sweep voltammograms (LSVs) over a Pt 

electrode showed a clear disk rotation speed dependence in a rotating disk 

electrode (RDE) configuration. At faster disk rotation speeds (smaller diffusion-

layer thicknesses), the cathodic currents increased (Figure  8.1a), which clearly 

demonstrates the diffusion-limited nature of the HER under the buffered near-

neutral pH conditions.  

 

Figure 8.1. Linear sweep voltammograms over a polycrystalline Pt disk electrode 

in (a) 0.1 mol L−1 NaH2PO4 and (b) 1.5 mol L−1 potassium phosphate solution 

(K1.2H1.8PO4; KH2PO4/K2HPO4=80/20), with H2 bubbling at various disk rotation 

speeds (1600, 2500, 3600 and 4900 rpm), recorded at a scan rate of 50 mV s−1 

at 298 K. Adopted from our previous study.38 
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As such, fine tuning of the electrolyte properties (identity and molarity of ions) to 

maximize the mass transport flux results in improved performance.38 In the 

optimized electrolyte of 1.5 mol L−1 K1.2H1.8PO4 (a mixture of 1.5 mol L−1 KH2PO4 

and K2HPO4 in an 80/20 ratio: pH 5.8), the cathodic currents were barely affected 

by the disk rotation speed (Figure  8.1b), and therefore, the obtained current-

potential relationship majorly reflects the kinetics of the electrode under the 

condition.38  

 

Figure 8.2. (a) Linear sweep voltammograms at 299 K over W, Ni, Pt, Au, Cu 

and Ni-Cu electrodes in 1.5 mol L−1 potassium phosphate solution (K1.2H1.8PO4; 

KH2PO4/K2HPO4=80/20, pH 5.8) with bubbling H2, recorded at a scan rate of +50 

mV s−1 and a disk rotation speed of 3600 rpm. (b) Potentials reaching −5 mA 

cm−2 at 299 K shown with respect to metal identity. The metal-hydrogen (M-H) 

binding energy increases from left to right. 

Figure  8.2a presents typical cathodic LSVs over W, Ni, Pt, Au and Cu 

electrodes in the optimized electrolyte of 1.5 mol L−1 K1.2H1.8PO4 recorded at 299 

K. All electrodes exhibited a monotonic increase in reduction currents below the 
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equilibrium potential for the hydrogen evolution and oxidation reactions of 0 V vs. 

reversible hydrogen electrode (RHE). The current-potential relationship, as well 

as the onset potential, varied with the identity of the electrode. Figure  8.2b 

summarizes the overpotential required to achieve −5 mA cm−2 taken from 

Figure  8.2a as a function of the electrode identity (M-H binding energy). 

According to the literature, the order of the M-H binding energy over the 

electrodes is Cu < Au < Pt < Ni < W,2,7 i.e., from the left to the right in the figure, 

the M-H binding energy increases. On the left side of the figure, the activity was 

in the order of Pt > Au > Cu, and on the right side it was represented by Pt > Ni > 

W, which showed a typical volcano-shaped trend (Sabatier principle).2,7 The 

order of the elements in the volcano plot can provide an insight into the reaction 

mechanism for the HER. Markovic and coworkers reported that, for the weak M-

H binding materials, the overpotentials at −5 mA cm−2 are in the order of Cu > Au 

in acidic solution and is the opposite in alkaline environments (Cu < Au).7,67 They 

ascribed the difference to the catalytic capability of the electrode for dissociating 

the O-H bond of water molecule. In the alkaline environment, water molecule is 

the reactant (proton source), and therefore the reaction scheme involves the 

dissociation of the O-H bond. The dissociation over Cu is more facile than over 

Au, resulting in the better performance over Cu than Au at alkaline pH. This leads 

to one important consideration that M-H bond strength is not a sole activity 

descriptor, at least in the alkaline condition where H2O molecule as a reactant.8 

In contrast, the dissociation is absent at acidic pH, where proton is directly used 

as the proton source.7,67 The observed overpotential in the current study at −5 
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mA cm−2 in Figure  8.2b followed the one at acidic pH levels (Cu > Au), which 

indicated the absence of the O-H bond dissociation process during the HER in 

buffered electrolytes at near-neutral pH.  

A conventional approach to develop an active electrode on the basis of 

Sabatier principle is mixing elements with weak and strong M-H binding energies. 

One successful example reported is Ni-Cu,68−71 which achieves greatly superior 

HER performance to bare Ni (strong M-H binding) and Cu (weak M-H binding) in 

alkaline conditions. However, when Ni-Cu was examined for the HER in the 

current condition of buffered near-neutral pH, it did not show any improvement; 

the performance was between Ni and Cu, as shown in Figure  8.2a. To elucidate 

the underlying scientific aspects, further details need to be addressed, which is 

attempted in the following.  

The sensitivity of the HER performance to reaction temperature was 

investigated over the W, Ni, Pt, Au, Cu and Ni-Cu electrodes over a temperature 

range of 299−346 K. Figure  8.3 shows iR-corrected potentials reaching −10 mA 

cm−2 as a function of the reaction temperature. All the electrodes exhibited higher 

performances (lower overpotentials) with increasing the reaction temperature, 

although the sensitivity to the temperature depended on the electrode identity. As 

observed in the figure, the Pt electrode was least sensitive to the temperature. 

Nevertheless, it exhibited superior performances to the other electrode materials 

over the entire temperature range (299−346 K). Notably, the overpotential for the 

Ni-Cu electrode was between bare Ni and Cu at all temperatures. 
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Figure 8.3. Potentials reaching −10 mA cm−2 plotted against the reaction 

temperature. The current potential relationship was obtained from the linear 

sweep voltammograms over the W, Ni, Pt, Au, Cu and Ni-Cu disk electrodes in 

1.5 mol L−1 potassium phosphate solution (K1.2H1.8PO4; KH2PO4/K2HPO4=80/20, 

pH 5.8) with bubbling H2. 

From the obtained potential- and temperature-dependent reaction 

performance, the reaction kinetics was analyzed in detail. Generally, 

electrocatalytic performance is predominantly governed by the potential-sensitive 

parameters (e.g., the Tafel slope) and the temperature-sensitive parameters 

(e.g., the exchange current density and the activation energy). In the following 

section, both types of parameter are discussed.  

When the current-potential relationship is analyzed, the following 

relationship, known as the Tafel relation, is generally revealed experimentally: 
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 logb j a   , (8.1) 

where η is the overpotential (difference between the electrode and equilibrium 

potentials), j is the current density, and a and b are constants.72,73 From Tafel 

plots, the Tafel slope (b in Equation 8.1) is extracted and compiled as a function 

of the reaction temperature in Figure  8.4.  

 

Figure 8.4. Experimentally observed Tafel slope values with respect to the 

reaction temperature over W, Ni, Pt, Au, Cu and Ni-Cu disk electrodes in 1.5 mol 

L−1 potassium phosphate solution (K1.2H1.8PO4; KH2PO4/K2HPO4=80/20, pH 5.8). 

Region 1 (blue colored range): represented by Equations 8.8a (rds: the Volmer 

step) and 8.10a (rds: the Heyrovsky step with high M-H coverage). Region 2 

(orange colored range): represented by Equation 8.9a (rds: the Heyrovsky step 

with low M-H coverage). Region 8.3 (green colored line): represented by 

Equation 8.11a (rds: the Tafel step). 
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Pt exhibited the smallest Tafel slope of approximately 40−50 mV dec−1 over the 

entire temperature range. Among the other electrodes, W showed the smallest 

values of 90−120 mV dec−1, and the rest of the materials showed greater values 

than 120 mV dec−1. These values are in reasonable agreement with the reported 

values in acidic and alkaline conditions at room temperature.1,67 The values of 

the Tafel slope provide indirect information about the reaction mechanism and 

rate expression by comparing with theoretically derived ones. The HER via 

hydronium ion reduction is known to be represented by the following elementary 

steps of the Volmer, Heyrovsky and Tafel steps, respectively: 

3 2H O M e M-H H O    , (8.2) 

3 2 2H O M-H e H H O M     , (8.3) 

22M-H H 2M . (8.4) 

The overall rate description varies depending on the rate determining step (rds), 

and the following equations express the rate descriptions for the Volmer, 

Heyrovsky and Tafel steps being the rds, respectively (see Chapter  2 for the 

detailed derivation): 
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23

2
0 0 2 2

H OH O
exp 2T V Vi FAk K a a f

  , (8.7) 

where F is the Faraday’s constant, A is the electrode surface area, k represents 

the rate constant, k0 denotes the standard rate constant, α is the electron transfer 

coefficient, f is F/RT (R is the universal gas constant and T is the absolute 

temperature), ai denotes the activity of species i, and K0 defines the ratio of the 

standard rate constant for the forward and backward reactions. The indices V, H, 

and T refer to the Volmer, Heyrovsky and Tafel steps, respectively. From these 

equations, the Tafel slope and the exchange current i0 (current at zero-

overpotential) are theoretically derived, which is summarized as follows: 

rds: Volmer step (Equations 8.2 and 8.5): 
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rds: Heyrovsky step (Equations 8.3 and 8.6) with low M-H coverage (θ < 0.6): 
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rds: Heyrovsky step (Equations 8.3 and 8.6) with high M-H coverage (θ > 0.6): 
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rds: Tafel step (Equations 8.4 and 8.7): 
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In the above equations, Ea is the activation energy, ∆G is the Gibbs free energy 

and A’ is the pre-exponential factor in the Arrhenius’ equation: 

,0 exp
a appE

k A
RT

 
  

 
, (8.12) 

where Ea,app is the apparent activation energy. The theoretical Tafel slope values 

(Equations 8.8a, 8.9a, 8.10a and 8.11a) can be calculated with a given 

temperature T and electron transfer coefficient α. Notably, the temperature 

dependency of the Tafel slope originates not only from the temperature term in 

the equation but also from the temperature-dependent nature of the electron 

transfer coefficient.72 Nevertheless, by varying the electron transfer coefficient 

from zero to unity (by definition),73 the theoretical variation in the Tafel slopes for 

a given rds can be visualized only with respect to temperature. The calculated 
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Tafel slope ranges are visualized in Figure  8.4. In all cases, the Tafel slope 

became smaller as the electron transfer coefficient increased. The highest Tafel 

slope values are given identically for Equations 8.8a (the Volmer step) and 8.10a 

(the Heyrovsky step with high M-H coverage) among all the cases (Region 1). 

The Tafel slope represented by Equation 8.9a varied with the electron transfer 

coefficient, which is depicted as Region 2 in the figure. Because Equation 8.11a 

does not contain the electron transfer coefficient term, the Tafel slope shifted 

linearly with the reaction temperature, which appeared as a line in the figure 

(Region 3). By simple comparison of the experimentally obtained values and the 

theoretical regions, the reaction mechanism and rds can be identified. Only Pt fell 

in the region represented by Equation 8.9a (Region 2 in Figure  8.4); the 

hydronium ion reduction over Pt can be thus assigned to the Heyrovsky step, 

which is in agreement with the recent computational study by Nørskov and 

coworkers.74 All the other materials were found to be described by either 

Equation 8.8a or 8.10a; i.e., the rds would be either the Volmer step or the 

Heyrovsky step with high M-H coverage. Therefore, solely from the Tafel slope 

analysis, the actual rds cannot be explicitly determined for W, Ni, Au, Cu and Ni-

Cu. However, the identical description of the Tafel slope and the exchange 

current density is derived for both Equations 8.8 and 8.10, meaning that the 

exchange current density j0 is represented by the same equation (Equation 8.13) 

for these materials, regardless of the two rds: 

3
0 H O

exp aE
j FA a

RT
 

 
  

 
 , (8.13) 
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where σ represents the surface roughness factor, which is the ratio of the 

electrochemical active and geometric surface areas (j0 in the equation is 

normalized by the geometric surface area). 

From the obtained Tafel relation, the exchange current density was also 

calculated, and is compiled as a function of temperature in Figure  8.5a. All the 

electrodes exhibited a linear relationship between the logarithm of the exchange 

current density and the reciprocal of the reaction temperature. The relationship is 

generally rationalized by the following equation:19  

 
 

,0ln

1

a appEj

T R


 


 . (8.14)  

From the figure, slopes (containing the apparent activation energies) and 

intercepts were calculated, and the obtained values are presented in Figure  8.5b 

against the material identity. On the left side of the figure (weak M-H binding), 

both the activation energy (y-value on the left axis) and intercept (y-value on the 

right axis) followed the order of Cu > Au > Pt, whereas on the right side they 

followed the order of Ni > W > Pt. Notably, the Ni electrode exhibited two different 

slopes in the Arrhenius’ plot, as observed in Figure  8.5a, and accordingly two 

values were obtained for both the apparent activation energy and intercept, as in 

Figure  8.5b. The observed transition in the Arrhenius’ plot for Ni has not been 

reported; however, it should be emphasized that the electrocatalysis towards the 

HER over transition metal electrodes, such as Ni, can be evaluated only in near-

neutral to alkaline conditions because these electrodes readily dissolve in acidic 
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environments. Particularly, the buffered near-neutral condition enables evaluation 

of hydronium ion reduction, and this study reports the HER over Ni at elevated 

temperature in buffered conditions for the first time to the best of our knowledge 

(the temperature sensitivity analysis was also performed at alkaline pH in this 

study, as will be discussed later).  

 

Figure 8.5. (a) Arrhenius’ plot over W, Ni, Pt, Au, Cu and Ni-Cu disk electrodes 

in 1.5 mol L−1 potassium phosphate solution (K1.2H1.8PO4: 

KH2PO4/K2HPO4=80/20, pH 5.8), and (b) corresponding apparent activation 

energy (calculated from the slope in Figure  8.5a) and intercept (y-value at x-

value=0 in Figure  8.5a) compiled with respect to metal identity. 

Importantly, the observed trend in the activation energy was not volcano-shaped 

(nor linearly correlated with M-H energy), which is different from what was 

observed for the overall performance. It should be noted that the apparent 

activation energy for Ni-Cu was approximately 22 kJ mol−1, which was lower than 

that for Ni (57±6 kJ mol−1) and Cu (41±2 kJ mol−1), although the overall 

performance over Ni-Cu was between that of Ni and Cu (Figure  8.2).  
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Interestingly, when the y-values in Figure  8.5b (the apparent activation 

energy and y-intercept in the Arrhenius’ plot) were compared, a correlation was 

found: the greater the apparent activation energy was, the larger the intercept 

became. The observed difference between Pt and Ni in y-intercept was 9-order 

of magnitude (Figure  8.5). As discussed, the exchange current densities for W, 

Ni, Au, Cu and Ni-Cu are represented by Equation 8.13; therefore, the y-intercept 

simply corresponds to 
3H O

FA a 
  for these materials, which is as a function of (1) 

the electrochemical active surface area of the electrode, (2) the hydronium ion 

activity at the surface and (3) the pre-exponential factor in the Arrhenius’ 

equation. The electrochemical active surface area can be addressed by 

analyzing the CV, in which non-Faradaic current can be evaluated that reflects 

the surface area. The differences in the non-Faradaic currents among the 

electrodes in the CVs were within the same order of magnitude, which cannot 

account for the observed difference in the intercept in Figure  8.5b. In addition, 

the local hydronium ion activity near the surface of the electrode is expected to 

be similar for different metal identities measured in a similar range of current 

density and when dense buffer ions are present (1.5 mol L−1). Therefore, the 

observed drastic differences in the y-intercept most likely originated from the pre-

exponential factor in the Arrhenius’ equation. According to the transition state 

theory, the Arrhenius’ equation (Equation 8.12) is rationalized by the following 

equation: 

†

exp exp a
r

EkT S
k

h R RT


   
    

  
 , (8.15) 
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where kr is the rate constant, κ is the transmission coefficient, k is Boltzmann’s 

constant, h is the Planck constant, and Δ†S is the entropy of activation.75,76 Using 

this equation, the entropy of the activation was calculated and is presented as a 

function of the apparent activation energy in Figure  8.6.  

 

Figure 8.6. (top) Entropy of activation and (bottom) exchange current density at 

299 K as a function of the measured apparent activation energy for W, Ni, Pt, Au, 

Cu and Ni-Cu. The lines are the approximate curves obtained from the data 

points of W, Ni, Au and Cu. 
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Clearly, a monotonic relation between the entropy and the activation energy was 

observed for the HER in the buffered near-neutral pH condition. With an increase 

in the apparent activation energy, the loss of entropy of the activation decreased. 

It should be noted that, although the Ni electrode exhibited two slopes in the 

Arrhenius’ plot (Figure  8.5a), the activation energy and entropy of activation in 

both the low- and high-temperature regions fell in the same trend as in 

Figure  8.6. In the figure, the observed alteration in the entropy was quite large 

(nearly one order of magnitude) which significantly influenced the reaction rate. 

As such, the overall reaction performance depended not only on the apparent 

activation energy but also on the entropy. This relationship is known as enthalpy-

entropy compensation.77,78 A general explanation for this compensation effect in 

the field of heterogeneous catalysis is adsorption thermodynamics;77 i.e., an 

increase in the reaction enthalpy weakens the binding and thus increases the 

reaction entropy.  

As discussed previously regarding the Tafel slope (Figure 3), the rds is 

either the Volmer or the Heyrovsky step at high H-coverage under the buffered 

near-neutral condition; i.e., the proton reaching to the surface on either empty or 

H-adsorbed surfaces is the rds. Such proton involvement at the transition state 

implies that water molecules around it and close to the surfaces must drastically 

reorganize. Hereafter, the origin of the contribution of entropy term in this step is 

discussed. In the field of electrocatalysis, the pre-exponential factor (associated 

with the entropy of activation) was previously considered to be 1013 s−1, which is 

obtained based on the harmonic transition state theory.79 Recently, a molecular 
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dynamics simulation for water/electrode interfaces revealed that, in the water 

layer formed on the surface of the electrode, defects are present even if an ideal 

metal surface is considered.80 The defects induce reorganization of the adsorbed 

water layer, which occurs in a time interval on the nano-second scale.80 This 

reorganization/relaxation is associated with the solvent reorganization at the 

liquid/electrode interface, which influences the pre-exponential factor.81 

Accordingly, recent studies adopted this time scale to simulate 

electrocatalysis,81,82 which corresponds to a pre-exponential factor of 109 s−1 and 

an entropic barrier of 9−11R (75−91 J mol−1 K−1; 22−27 kJ mol−1 under the 

standard condition).81 This value is on the same order as the value obtained in 

this study (Figure  8.6). In this context, the current observation may suggest that 

the reorganization phenomena at the water/electrode interface are perturbed by 

the identity of the metal, likely resulting in variation in the entropy of activation. 

Furthermore, Rossmeisl and coworkers reported a significant contribution of 

entropy in the HER: proton loses its configuration entropy when entering the 

Helmholtz layer, and the transition state is predominantly governed by the loss of 

the entropy.83 Their calculation revealed that the pre-exponential factor can be as 

low as 103 s−1 as a consequence of the large entropic barrier.83 These studies 

suggest that there is possibly a huge contribution of entropy, by which the overall 

performance can be significantly influenced. Apparently, the identity of catalyst 

(metal) would influence the degree of freedom for water molecules associated 

with proton, by their potentials of zero charges, surface polarization capability 

and dielectric constant. Due to observed enthalpy-entropy relation, merely 
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decreasing the activation energy did not result in improved HER performance 

under the condition: such a case was observed for Ni-Cu compared to 

monometallic Ni and Cu. Figure  8.6 also presents the exchange current density 

at 299 K as representative of the reaction performance in a function of the 

apparent activation energy. Although the apparent activation energy was lower 

for Ni-Cu compared with Ni and Cu, the entropy of activation was also 

decreased, as in the top figure in Figure  8.6. Therefore, the exchange current 

density was not enhanced due to the compensation effect (the bottom figure in 

Figure  8.6), which resulted in poorer HER performance than expected based on 

the activation energy in a conventional manner.  

In extreme pH conditions, it has been conventionally considered that the 

overall electrocatalytic performance is represented by the apparent activation 

energy.75 In this study, temperature sensitivity measurement was carried out also 

at alkaline pH (0.1 mol L−1 KOH) for the Pt, Ni and Ni-Cu electrodes. It is 

emphasized again that O-H bond dissociation of stable H2O molecule is a key 

elementary step in this condition. As shown in Figure  8.7, Pt exhibited superior 

performance to Ni in the entire temperature region. Arrhenius’ plot revealed that 

the apparent activation energies for Pt and Ni were 8 and 22 kJ mol−1, 

respectively. These observations clearly show that the apparent activation 

energy coincided with the overall performance for Pt and Ni, which is consistent 

with literature.75 However, when the Ni-Cu electrode was investigated under the 

identical conditions (0.1 mol L−1 KOH), its performance was found to be superior 

to the bare Ni electrode (Figure  8.7) whereas the activation energy for Ni-Cu was 
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found to be greater than Ni (approximately 57 kJ mol−1). This inconsistency in the 

apparent activation energy and overall performance may indicate that the 

enthalpy-entropy compensation should also be prevalent at alkaline pH.  

 

Figure 8.7. (a) Linear sweep voltammograms over polycrystalline Ni, Pt and Ni-

Cu disk electrodes in 0.1 mol L−1 KOH with bubbling H2 at 299 K, recorded at a 

scan rate of +50 mV s−1 and a disk rotation speed of 3600 rpm. (b) Potentials 

reaching −10 mA cm−2 as a function of reaction temperature and corresponding 

(c) Tafel relation and (d) Arrhenius’ plot. 

Nevertheless, rate expressions for these catalysts can be different due to 

different rds and/or the reaction mechanism of H2O dissociation may proceed on 
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dual active sites of both Cu and Ni, as discussed for M-Ni bifunctional catalysis 

proposed by Markovic and coworkers.68 Determination of entropy of activation is 

obviously more complex under alkaline condition and, to fully rationalize the 

enthalpy-entropy relation, more comprehensive studies are required.  

In this study, the detailed kinetic aspects of the HER in buffered near-

neutral pH conditions were discussed. Although the conventional understanding 

of the volcano-shaped trend seemed apparently true for the overall performance, 

the kinetic parameters such as the apparent activation energy could not be 

represented by the volcano-shaped relationship. Instead, the kinetics of the HER 

under near-neutral pH conditions was found to be controlled by the enthalpy-

entropy compensation. The observation indicates that approaches to alter the 

pre-exponential factor in the Arrhenius’ equation would be one of the keys to 

developing highly efficient HER electrodes at near-neutral pH (or suppressing 

HER performance for, e.g., selective CO2 electroreduction). The observed huge 

quantitative alteration in the pre-exponential factor for different electrode 

materials is likely ascribable to the hydration of the proton source (i.e., hydronium 

ion) and the electrode surface as discussed. For this sake, perturbation of the 

adsorbed water layer and/or alteration in the electrolyte properties can be 

proposed. The former can be accomplished by introduction/removal of defects or 

development of heterogeneous/homogeneous surfaces; for example, introduction 

of heteroatom. The alteration in the surface morphology is proposed to directly 

influence the local electric field,84 which in turn is anticipated to change the 

configuration entropy of the proton source. Regarding the latter, alteration in the 
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acidity or introduction of other cation/anion in the double layer region would 

directly perturb the configuration entropy of the proton source, which can be 

proposed as an approach to alter the pre-exponential factor for the reaction.  

8.3. Summary 

Electrochemical hydrogen production was studied under buffered near-

neutral pH conditions over W, Ni, Pt, Au, Cu and Ni-Cu electrodes over a 

temperature range of 299−346 K. The overall performance of the HER was found 

to be represented by a classic volcano-shaped trend with respect to the material 

identity (binding energy of the surface intermediates). However, the apparent 

activation energy did not coincide with the overall performance; i.e., the activation 

energy did not follow the volcano-shaped trend as a function of M-H bond 

strength. Detailed kinetic analysis revealed that the pre-exponential factor in the 

Arrhenius’ equation significantly varied with the material identity, which most 

probably reflects the alteration in the entropy of activation. Particularly, lowering 

the activation energy resulted in a decrease in the entropy, which did not always 

lead to improved overall HER performance. Due to this enthalpy-entropy 

compensation effect, a classic approach to improve the HER performance was 

not successful under the condition; e.g., mixing elements of lower and higher 

binding energy to the intermediate species. The kinetic analysis detailed in this 

study disclosed the limit of the conventional approach; however, at the same 

time, it would be proposed that perturbation of the dehydration of the reactant 

and electrode surface is likely a key to enhancing the HER performance under 
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buffered near-neutral pH conditions for the successful development of water 

splitting and artificial photosynthesis systems.  

8.4. Experimental Section 

A rotating disk electrode (RDE) configuration was used in this study. W, Ni, 

Pt, Au and Cu disk electrodes with a 3.0 mm diameter (0.071 cm2 geometric 

surface area) were purchased from BAS, Inc. Before each measurement, the 

disk electrode was polished first with 1 μm diamond and then with 0.05 μm 

alumina (both purchased from BAS, Inc.). The surface was further 

electrochemically treated by cyclic voltammetry in 1.0 mol L−1 HClO4 (99.999%; 

Sigma-Aldrich). A Ni-Cu electrode was prepared by electrodeposition of Ni and 

Cu in a citrate bath (20 mol L−1 NiSO4, 2 mmol L−1 CuSO4, and 0.2 mol L−1 

Na3C6H5O7 at pH 5, adjusted by H2SO4), with the application of a constant 

current density of −10 mA cm−2 to a Cu disk electrode for 250 min.68  

A three-electrode system was employed. A KCl-saturated Ag/AgCl 

electrode was used as a reference electrode. Pt, Ni and Au wires were used as 

counter electrodes when Pt, Ni and Au disk electrodes were investigated, 

respectively, and a carbon paper was used for the other electrodes. A mixture of 

KH2PO4 (99.995%; Sigma-Aldrich) and K2HPO4 (99.99%; Sigma-Aldrich) at an 

80/20 ratio was used as an electrolyte (1.5 mol L−1, pH 5.8), which minimizes the 

contribution of the mass tranpsort.38 Hydrogen (99.9999%) was continuously 

supplied before and during all the measurements. Cyclic and linear sweep 
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voltammogram measurements were performed at 299, 307, 318, 327, 338 and 

346 K while keeping the reference electrode at 297 K, at a scan rate of 50 mV s−1 

using a 16-channel, research-grade potentiostat system (VMP3) purchased from 

BioLogic Science Instruments. The cell used in our study is equipped with a 

jacket (Water-Jacketed glass cell, BAS Inc.). The liquid was forced to circulate 

the jacket, temperature of which is controlled by an external temperature control 

system (OptimaTM TC120-ST12, Grant Instruments (Cambridge) Ltd.). The 

temperature of the working environment was separately checked by a 

thermocouple. The reference electrode was connected to the cell with a salt-

bridge, and physically separated by more than 8 cm from the working electrode. 

The disk rotation speed was controlled at 1600–4900 rpm. The values reported in 

this study are the average of at least three experiments, and the error bars 

represent the standard deviation of the measurements. All the current densities 

described in this report are expressed in terms of the geometric electrode surface 

area, and all the current-potential relationships have been iR-corrected using 

measured impedance values (100 kHz, amplitude 10 mV), unless otherwise 

specified. 
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9. Development of Active and Stable Electrocatalyst for the 

Electrocatalytic Oxygen Evolution under Buffered Near-Neutral pH 

Conditionsi 

This chapter discusses the oxygen evolution reaction (OER) at alkaline and 

near-neutral pH levels over NiFeOx and noble metal added CoOx (M-CoOx) 

electrodes. The NiFeOx exhibited high OER activity at alkaline pH conditions with 

onset potential lower than 1.45 V on the reversible hydrogen electrode (RHE) 

scale. Detailed investigation revealed that hydroxide ion has a positive impact on 

the OER, implying that the hydroxide ion oxidation proceeds. The sensitivity of 

the OER rate with respect to the temperature disclosed apparent activation 

energy of 25 kJ mol−1, which is consistent with the high OER performance over 

the NiFeOx. The NiFeOx was, however, found unstable during the OER at near-

neutral pH levels. As a second candidate, M-CoOx was also examined for the 

OER at alkaline conditions. Addition of Ru or Rh to CoOx was found to improve 

the OER performance, as evidenced by the shift in the onset potential. The M-

CoOx was further investigated for the OER under near-neutral pH conditions, 

which revealed that 10 mA (electrode: 1 cm × 1 cm) was achievable below 1.7 V 

vs. RHE with better stability than NiFeOx.  

                                                           
i
 This chapter was adapted from E. Nurlaela,

†
 T. Shinagawa,

†
 M. Queshi, D. S. Dhawale and K. Takanabe, 

ACS Catal., 2016, DOI: 10.1021/acscatal.5b02804 (†: equal contribution). Copyright (2015) American 
Chemical Society; and E. Nurlaela, H. Wang, T. Shiangawa, S. Flanagan, S. Ould-Chikh, Z. Mics, P. Sautet, T. 
Le Bahers, E. Cánovas, M. Bonn and K. Takanabe, ACS Catal., 2016, DOI: 10.1021/acscatal.6b00508. 
Copyright (2015) American Chemical Society.  
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9.1. Introduction 

The conversion of solar energy has attracted significant attention for 

construction of a sustainable society. Various methods have been proposed for 

solar hydrogen production: photocatalytic water splitting,1−11 

photoelectrochemical water splitting12 and photovoltaic (PV) + electrolyzer 

system.13,14 During water splitting process, electrons are consumed to generate 

hydrogen (hydrogen evolution reaction, HER) and holes are used to evolve 

oxygen (oxygen evolution reaction, OER). Successful water splitting thus 

requires active and stable electrocatalysts for these reactions.  

A large number of studies have focused on the electrochemical OER, which 

has been known as a bottle-neck for the realization of high efficiency in water 

splitting process. Recently, literature has re-discovered that the edge-sharing 

octahedral NiFeOx catalyst exhibits one of the highest OER activities in alkaline 

solution.15−18 Particularly, one study reported that NiFeOx synthesized by pulsed-

laser ablation required a mere 260 mV overpotential at 10 mA cm−2.18 Another 

report demonstrated a stable NiFeOx performance at an onset potential below 

1.5 V on the reversible hydrogen electrode (RHE) scale.17,19 Also, some studies 

disclosed that the combination of CoOx and a noble metal (M-CoOx) has 

drastically improved its performance, compared with that of its mono-metallic 

counterpart.20−22 In the case of M=Au, Au may serve as an electron sink due to 

its electronegativitiy, facilitating the oxidation of CoII and CoIII to CoIV and 

increasing the availability of the active sites for OER.20 In situ Raman 
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spectroscopy during the electrochemical OER supports this scenario; it has been 

demonstrated that the population of CoIV states is promoted in the presence of 

Au, which explains the higher current density on the Au-CoOx sample.20 

Furthermore, a very recent work strongly suggest that CoOx redox potential was 

effectively perturbed by IrOx, as inferred from operando X-ray absorption 

spectroscopy, giving one of the lowest overpotentials of OER reported (~0.19 V 

at 10 mA cm−2).23 Other noble metals, such as Rh, Pt, Ru and Pd, were also 

shown to have similar impacts, suggesting a common underlying mechanism 

governing the improved performance of M-CoOx in OER.20−22 

As has been described, most of the studies regarding the OER have 

focused on alkaline conditions.15−23 When the solar fuel production is considered, 

however, some other factors other than surface electrocatalysis have to be 

addressed; for example, the stability of the semiconductor, which is optimized in 

milder conditions in many cases. Furthermore, in terms of safety in system 

operation and undesired CO2 dissolution in the system, near-neutral conditions 

are favored. Nevertheless, there are a few studies on the OER at near-neutral pH 

levels to date.24−27 

In this chapter, the OER electrocatalysts are discussed in both alkaline and 

near-neutral pH conditions. The strategy is simply to adopt the active OER 

electrodes at alkaline pH conditions to the study at near-neutral pH levels. Both 

NiFeOx and M-CoOx were first examined for the OER at alkaline pH. Indeed, high 

OER performances over both electrodes were obtained in 0.1−1.0 mol L−1 KOH 
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and NaOH solutions. However, NiFeOx was found to exhibit poor stability at near-

neutral pH conditions. On the other hand, M-CoOx exhibited a relatively stable 

performance, and an overpotential less than 470 mV was found to be sufficient to 

achieve 10 mA cm−2 at near-neutral pH. 

9.2. Results and Discussion 

9.2.1. Nickel-Iron Oxide 

The electrochemical oxygen evolution reaction (OER) performance of the 

NiFeOx supported on nickel foam (NF) was investigated. Figure  9.1 compiles 

linear sweep voltammograms (LSVs) for the OER over NiFeOx/NF in various 

alkaline electrolyte solutions. As a reference, polarization curves over a bare NF 

are also depicted. 

 

Figure 9.1. Linear-sweep voltammograms using a bare NF and NiFeOx/NF 

catalysts in 0.1 and 1.0 mol L−1 of (a) NaOH and (b) KOH with bubbling O2 

(conditions: −1 mV s−1, 298 K). 
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In all cases, the current densities monotonically increased with applied potential. 

In both NaOH and KOH electrolytes, NiFeOx showed significantly higher current 

densities than the bare NF, consistent with the literature.17,19,28−32 In addition, 

larger current densities were observed in denser solutions, most likely due to a 

positive kinetic order in hydroxide ions for the OER.19 Importantly, the NiOx/NF 

catalyst showed an improved performance over the bare NF (Figure  9.2). 

 

Figure 9.2. Linear sweep voltammograms using various catalysts in 1.0 mol L−1 

of (a) NaOH and (b) KOH. (c) LSVs using NiOx/NF catalysts in 0.01, 0.1 and 1.0 

mol L−1 of NaOH. All measurements were carried out with bubbling O2 at a scan 

rate of −1 mV s−1 and at 298 K. 
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However, the OER performance of the NiFeOx/NF catalyst was much superior to 

that of the NiOx/NF catalyst (Figure  9.2), consistent with the involvement of Fe 

species in the catalytic cycle as reported.31,33 Figure  9.3 shows a small Tafel 

slope of approximately 40 mV dec−1 over the NiFeOx/NF catalyst, consistent with 

the literature.29  

 

Figure 9.3. Tafel relation using NiFeOx/NF electrocatalysts in (a) NaOH and 

KOH at 0.1 or 1 mol L−1 and in (b) 1.0 mol L−1 of MOH (M: Li, Na, K and Cs). 

The OER was further investigated electrochemically at various 

temperatures. Figure  9.4a compiles Tafel analyses of the OER at 279, 300, 325 

and 346 K in 1.0 mol L−1 NaOH. At these temperatures, the currents 

monotonically increased with the applied potential. Clearly linear relationships 

between the current densities on the logarithmic scale and the potentials were 

observed in all temperature regimes 
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Figure 9.4. (a) Tafel plots for the anodic polarization over NiFeOx/NF measured 

by chronoamperometry in 1.0 mol L−1 NaOH with bubbling O2 and (b) 

corresponding Arrhenius plot..  

From the experimental current-potential relationship in Figure  9.4a, the 

value of a current at zero-overpotential i0 (E = 1.23 V vs. RHE) was extracted. 

The obtained i0 is compiled against temperature as shown in Figure  9.4b. In the 

form of Arrhenius plot, the following relation: 

 
 

,0ln

1

a app
Ed i

d T R
  , (9.1) 

is empirically well confirmed, where Ea,app is the apparent activation energy, R is 

the gas constant and T is the absolute temperature. From the slope obtained in 

Figure  9.4b, the activation energy was calculated with Equation 9.1. The 

obtained activation energy in the current system was found to be 25±12 kJ mol−1. 

Although I was unable to locate any data in the literature on the activation energy 
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for OER using NiFeOx, several values were reported in alkaline environments for 

other materials, e.g., Ni:34 75 kJ mol−1 and NiCoOx:
35 71 kJ mol−1. The activation 

energy of NiFeOx was much smaller than the other aforementioned materials 

reported in the literature and was consistent with the higher OER performance 

over NiFeOx in Figure  9.1 and Figure  9.2.  

The NiFeOx was further investigated as a candidate of the active OER 

electrocatalyst under near-neutral pH conditions. LSVs over the NiFeOx in 0.5 

mol L−1 Na-sulfate and Na-phosphate at various pH levels are shown in 

Figure  9.5.  

 

Figure 9.5. Linear-sweep voltammograms using NiFeOx in 0.5 mol L−1 (a) 

sodium sulfate and (b) sodium phosphate solutions at pH 5−13 with bubbling O2 

(conditions: −1 mV s−1, at 298 K).  

Monotonic increases in the anodic current were observed in all the cases expect 

for the pH 12 in Na-sulfate. At pH 12, smaller hydroxide ion activity likely induced 
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the diffusion limitation, as described in Chapters  3 and  4. Interestingly, the OER 

performance at unbuffered near-neutral pH (Na-sulfate, Figure  9.5a) showed pH 

independence with respect to the standard hydrogen electrode (SHE). In these 

cases, however, the pH of the electrolyte after the reaction was found to be 

universally ca.11, thus simply the pH independency most likely originated from 

the altered bulk pH.  

 

Figure 9.6. Cyclic voltammograms using NiFeOx in 0.5 mol L−1 sodium 

phosphate solution at (a) pH 7, (b) pH 9, (c) pH 11 and (d) pH 13 with bubbling 

O2 (conditions: −1 mV s−1 at 298 K). 
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Figure  9.6 compiles the cyclic voltammograms for the OER over NiFeOx under 

buffered conditions (the first cycles are also depicted in Figure  9.5b). As 

apparently seen from these figures, with decreasing pH from 13 to 7, the anodic 

current was significantly decreased with successive cycles, clearly showing a 

poor stability of NiFeOx. Thus, although NiFeOx was active for the OER at 

alkaline conditions, it could not be practically used at near-neutral pH conditions 

due to its poor stability. 

9.2.2. Cobalt Oxide with Noble Metal Addition 

Electrochemical OER was also investigated using the CoOx and noble 

metal added CoOx (M-CoOx) prepared on substrates of Co plate and Ni foam 

(NF). As a reference, a Ni plate was also used to evaluate the noble metal 

addition. Figure  9.7 shows iR corrected potential-current diagrams and Tafel 

plots for CoOx and M-CoOx. The addition of M (Rh and Ru) drastically lowered 

the OER onset potential, consistent with the claims in the literature for other 

noble metals (Au, Ir, etc.).20−23 Figure  9.7 and Figure  9.8 compile the OER 

performance using the electrode with and without noble metal addition. The NF 

and Ni plate gave lower performance compared with CoOx based electrodes, 

exhibiting poorer OER activities of M itself and/or little synergetic effects.  
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Figure 9.7. (a) Linear sweep voltammograms and (b) Tafel plots over various 

electrodes: RhOx/CoOx, RuOx/CoOx, CoOx, RhOx/NiOx, RuOx/NiOx, and NiOx in 

1.0 mol L−1 NaOH with O2 bubbling at a −1 mV s−1 scan rate and at 298 K. 

 

Figure 9.8. (a) Linear sweep voltammograms and (b) Tafel plots over various 

electrodes: RhOx/CoOx, RuOx/CoOx, RhOx, and RuOx on NF in 1.0 mol L−1 NaOH 

electrolyte solution with O2 bubbling at a −1 mV s−1 scan rate and at 298 K. As a 

reference, LSV over a bare NF is depicted. 
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The double layer capacitance (Cdl), which is known to reflect an 

electrochemical active surface area, was evaluated using cyclic voltammograms 

(Figure  9.9) and impedance spectroscopy (Figure  9.10). Figure  9.9b and 

Figure  9.11 summarize the obtained Cdl of the electrodes. The Cdl of M-CoOx and 

M-NiOx were found to be slightly greater (2–4 times) than those of bare CoOx and 

NiOx. The observed difference in Cdl, i.e., electrochemical active surface area, 

with/without noble metal addition was, however, much smaller than the difference 

in the OER activity. This observation clearly excludes the possibility that the 

enhanced OER performance simply originates from the increase in the surface 

area. 

 

Figure 9.9. (a) Cyclic voltammograms over RhOx/CoOx in 1.0 mol L−1 NaOH 

electrolyte solution with O2 bubbling at 298 K. (b) Double layer capacitance 

measurement: current densities at 0.4 V vs. RHE was taken from Figure  9.8a 

and plotted against the scan rate. 
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Figure 9.10. Impedance spectra over various electrodes: RhOx/CoOx, 

RuOx/CoOx, CoOx, RhOx/NiOx, RuOx/NiOx, and NiOx at (a) 1.5 V and (b) 1.6 V vs. 

RHE in 1.0 mol L−1 NaOH electrolyte solution with O2 bubbling at 100 kHz–10 

mHz with a 10 mV amplitude at 298 K. 

 

Figure 9.11. Double layer capacitance Cdl of (a) RhOx/CoOx, RuOx/CoOx and 

CoOx and (b) RhOx/NiOx, RuOx/NiOx and NiOx, obtained by data fitting of 

Figure  9.9. 
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Figure  9.12 provides measured charge transfer resistances of the 

electrodes obtained by impedance data fitting. Noble metal addition to CoOx, 

particularly RhOx/CoOx, significantly lowered the charge transfer resistance, 

which is consistent with the improved OER activity. These results confirm that the 

electrocatalytic OER could be improved by the metal doping and that synergistic 

effects between Co and M were present. 

 

Figure 9.12. Charge transfer resistance Rct of (a) RhOx/CoOx, RuOx/CoOx and 

CoOx and (b) RhOx/NiOx, RuOx/NiOx and NiOx, obtained by data fitting of 

Figure  9.9. 

The noble metal added electrode was also investigated for the OER at 

near-neutral pH. Among Au-, Cu-, Pd-, Pt- and Rh-CoOx, Au-CoOx was found to 

exhibit the best performance. Linear sweep voltammograms over Au-CoOx/NF, 

CoOx/NF and bare NF are shown in Figure  9.13. In all the cases, anodic currents 

monotonically increased with overpotential. Addition of CoOx on the NF exhibited 

drastically improved performance (10 mA at 1.92 V over NF and at 1.75 V over 
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CoOx/NF on the RHE scale). When decorated with Au, OER performance was 

further improved: 10 mA was readily achieved at 1.69 V vs. RHE, without losing 

its activity for successive cycles.  

 

Figure 9.13. Linear sweep voltammograms using Au-CoOx/NF, CoOx/NF and NF 

in 1.5 mol L−1 K1.2H1.8PO4 with bubbling O2 (conditions: −1 mV s−1 at 298 K). 

9.3. Summary 

Water splitting with electricity generated from renewable energy sources is 

a promising process for realization of sustainability in our society. The present 

study discusses the electrochemical oxygen evolution reaction (OER), which is a 

half reaction of water splitting. Nickel-iron oxide (NiFeOx) and noble metal added 

cobalt oxide (M-CoOx) were investigated for the OER as candidates of the anode 

for the water electrolysis under near-neutral pH conditions. The NiFeOx in 
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alkaline solutions exhibited OER onset potentials lower than 1.5 V vs. RHE, 

consistent with literature. The sensitivity study of OER rate to the reaction 

temperature revealed an apparent activation energy of 25 kJ mol−1, which 

reflected the facile OER kinetics over NiFeOx. When used in near-neutral pH 

conditions, however, the NiFeOx showed poor stability under operating 

conditions. The other candidate of M-CoOx was investigated also first in alkaline 

solutions. The OER activity and active surface area evaluation disclosed the 

improved catalysis by noble metal additions, as also evidenced by the onset 

potential shift. The Au-CoOx demonstrated superior performance with better 

stability than NiFeOx even in near-neutral solution of 1.5 mol L−1 K1.2H1.8PO4, 

which can be regarded as a candidate as the anode for water electrolysis at 

near-neutral pH conditions.  

9.4. Experimental Section 

Nanostructured porous NiFeOx on Ni foam (NF, 1.6 mm thick, pore size 0.5 

mm, 48−52 cells/inch, 7500 m2/m3, Nilaco) was synthesized by a simple and 

scalable hydrothermal approach as described in the literature.36 In a typical 

synthesis procedure, 1.03 mmol of Ni(NO3)2·6H2O (99.999%, Sigma-Aldrich), 

0.990 mmol of Fe(NO3)2·9H2O (99.99%, Sigma-Aldrich) and 5.00 mmol of 

CO(NH2)2 (> 99.5%, Sigma-Aldrich) were first mixed in 80 mL of an aqueous 

solution under vigorous stirring at room temperature for 10 min. The solution was 

transferred into a 50-mL Teflon-lined stainless-steel autoclave. The NF substrate 

was placed in the solution after cleaning with 0.1 mol L−1 HCl in an ultrasound 
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bath for 5 min to remove the native surface oxide layer. Further washing was 

conducted with Milli-Q water (18.2 MΩ cm) and ethanol in the ultrasound bath for 

5 min. The sealed autoclave was transferred to an oven to carry out a heat 

treatment out at 393 K for 12 h. Notably, the precipitation of Ni and Fe nitrides 

was induced by the decomposition of urea at the elevated temperature (which 

releases a mixture of ammonium and carbonate ions).36−38 For the control 

experiment, monometallic Ni or Fe on the NF was prepared in the same manner. 

Co was electrochemically deposited onto Ni foam (NF) of a 1 cm × 1 cm 

geometric surface by chronopotentiometry. NF was immersed in a deposition 

bath containing 0.5 mmol L−1 cobalt nitrate (Co(NO3)2, Sigma-Aldrich, 99.999%). 

A constant current of −10 mA was applied for 1 h at 298 K. Rh and Ru were 

placed by chronopotentiometry onto CoOx/NF, NF, a Co plate and a Ni plate. A 

metal precursor solution contained 0.5 mmol L−1 of Rh (hexachlororhodate, 

Sigma-Aldrich) or Ru (Ruthenium chloride hydrate, Sigma-Aldrich). Constant 

currents (NF: −1 mA, others: −0.3 mA) were applied for 1 h. All the 

electrochemical deposition was carried out in 3-electrode configuration, with a Pt 

wire and Hg/HgSO4 (sat. K2SO4) as counter and reference electrodes, 

respectively.  

Anodic polarization over the prepared electrodes was performed at 298 K 

with a scan rate of −1 mV s−1 using a research-grade potentiostat system (VMP3) 

purchased from BioLogic Science Instruments. For all OER measurements, a Pt 

wire and Hg/HgO (sat. 1 mol L−1 NaOH) were used as counter and reference 
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electrodes, respectively. Solution resistances were measured by impedance 

spectroscopy performed at 100 kHz with 10 mV amplitude at 298 K. 
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10. Demonstration of Electrocatalytic- and Photovoltaic-Driven Water 

Splitting under Near-Neutral pH Conditionsj 

The realization of successful solar hydrogen production process requires a 

development of an efficient electrochemical water splitting system. The efficiency 

of water electrolysis is predominantly associated with hydrogen evolution 

reaction (HER) kinetics, oxygen evolution reaction (OER) kinetics and voltage 

loss induced by solution resistance. Both the HER and OER have been 

addressed in the previous chapters; and this chapter addresses the other 

parameter of solution resistance in various cell configurations first, which enabled 

for quantitatively discussing the iR loss. Combining all the studies, the water 

electrolysis at near-neutral pH levels was demonstrated, and its efficiency was 

compared with those at alkaline conditions that are relevant to industrial large-

scale alkaline water electrolyzer. The electrochemical study disclosed that 

electrolyte engineering resulted in an improved performance at near-neutral pH 

levels by ca. 500 mV (10 mA at 1.85 V in 1.5 mol L−1 K1.2H1.8PO4 with earth-

abundant element of NiMo and CoOx/NiOx electrodes). Finally, solar-driven water 

splitting was examined in the “photovoltaics (PV) + electrolyzer” configuration. 

The PV used was named SPHELAR, which is composed of three or four series-

connected spherical silicon balls. The device successfully achieved solar-driven 

overall water splitting with solar-to-hydrogen efficiencies of 7.4% (3PVs) and 

6.4% (4PVs), which is achievable highest efficiency limited by the photon 

absorber characteristics. 

                                                           
j
 This chapter was adapted from Y. Kageshima,

†
 T. Shinagawa,

†
 T. Kuwata, J. Nakata, T. Minegishi, K. 

Takanabe and K. Takanabe, Sci. Rep., 2016, DOI: 10.1038/srep24633. (†: equal contribution) 
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10.1. Introduction 

The conversion of solar energy to electric power or chemical energy has 

been considered a key technology for overcoming energy and environmental 

issues and for establishing a clean and sustainable society. Since the solar 

irradiance has daily, seasonal, and meteorological fluctuations and uneven 

regional distributions, the production of chemical energy carriers, such as 

hydrogen, from solar energy is an effective way to store energy for a practical 

and industrial large-scale operation.1–3 As one of the candidates for solar-to-

hydrogen (STH) generation, photoexcitation processes using semiconductors to 

drive water splitting redox reactions have attracted great attention.4,5 One 

strategy is to use the electric power generated by photovoltaics (PVs) for water 

electrolysis, namely the “PV + electrolyzer” approach.6–13 PV panel modules 

generate a large amount of power and can be connected to a completely isolated 

electrolysis device after an adequate voltage conversion (“wired” PV + 

electrolyzer configuration). However, the substantial cost of PV module assembly 

and PV panel construction, as well as the complicated wiring system, imposes a 

critical barrier for scaling up a PV + electrolyzer system.14–16 An efficient un-

biased device has been recently reported using solar cells conjugated with 

electrolyzer (“unwired” PV + electrolyzer) as an alternative approach.17–19 Many 

researchers have also investigated powdered photocatalytic systems, which are 

considered as a potentially scalable and commercially viable technology.20,21 

Furthermore, tremendous efforts have been devoted to establish 

photoelectrochemical (PEC) processes, where solid-liquid interfaces are 
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effectively utilized.5,11,22 Essentially, the aforementioned three systems have 

been considered as promising approach toward solar fuel production. 

In all the cases, an efficient STH conversion system requires successful 

hole/electron consumptions in water splitting redox reactions. The water 

electrolysis is majorly governed by three components, namely hydrogen 

evolution reaction (HER) kinetics, the oxygen evolution reaction (OER) kinetics 

and voltage loss induced by the solution resistance.23 Notably, there are other 

factors involved such as bubble formation on the surface, voltage loss by 

membrane if used, and so on. Various materials have been investigated as the 

cathode and anode: for example, Pt,24,25 metal phosphide, NiMo, NiW, and 

NiFe26–30 for the HER, and IrOx,
31,32 RuOx,

33,34, CoOx and NiFeOx for the OER.35–

38 Importantly, however, most of the works have been carried out under 

kinetically favored harsh conditions (extremely pH), which raises issues 

associated with mechanical and chemical strengths of the material. Thus, active 

and stable electrocatalysts that are active under near-neutral pH aqueous 

conditions are highly desired for practical and industrial applications.36 In 

addition, hydrogen production with renewable energy sources require suitable 

operation conditions for semiconductors. Generally, under such harsh conditions 

of extremely acidic and alkaline environments, the semiconductor does not 

exhibit a stable performance. The other crucial parameter that determines the 

water electrolysis performance is the voltage loss by the solution resistance. 

Under the large-scale operation conditions, electric current in kA m−2 order is 

supplied, witch induces a substantial voltage losses.23,39 In the industrial alkaline 
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electrolyzer, typically approximately 30 wt% KOH is selected as the electrolyte, 

which provides the optimal solution conductivity.23,39 However, in the considered 

system for solar hydrogen production, the solution resistance in various 

electrolyte solutions at near-neutral pH conditions has been little investigated. 

Such electrolyte properties in a relevant electrolysis configuration needs to be 

addressed to integrate whole the system towards efficient water splitting. 

In this chapter, the electrocatalytic- and solar-driven water splitting process 

are examined under both near-neutral and alkaline pH conditions. Before 

describing overall system, the impact of cell configuration on the iR drop was 

comprehensively investigated. The obtained benchmark could be used in 

evaluating the contribution of solution resistance to the overall performance. 

Together with all the studies in the previous chapters on the H2/O2 aqueous 

electrochemistry, overall water electrolysis was investigated with various 

electrodes. The electrochemical study demonstrated that a voltage of 1.85 V is 

required to achieve 10 mA cm−2 in 1.5 mol L−1 K1.2H1.8PO4 with NiMo cathode 

and CoOx/NiOx anode. Finally, the solar driven water splitting was demonstrated 

with integrated “PV + electrolyzer” configuration. A PV module, named 

SPHELAR, was used that is composed of either three or four series-connected 

spherical silicon protected with a polymer (3PVs or 4PVs; 0.20 cm2 and 0.26 cm2 

for the projected surface area, respectively). The spherical silicon consists of a 

solid-state p-n junction between the inside and the outside of the sphere.40–45 The 

presented device made from cost-effective electrodes successfully exhibited STH 

efficiencies greater than 7%.  
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10.2. Results and Discussion 

10.2.1. Investigation of Solution Resistance in Various Cell 

Configurations 

Generally, the electrolysis process contains a solution resistance that 

induces an additional voltage requirement especially at high current 

operations.11,46 The resistance R is theoretically described by the following 

equation: 

L
R

A
  , (10.1) 

where ρ is the resistivity; L and A are the specific length and area, respectively. 

The L/A term is generally reduced to the cell constant (Kcell) for electrochemical 

systems. The solution resistivity is discussed in detail for various electrolytes with 

a variety of concentration in Chapters  5,  6 and  7. The other term of the cell 

constant will be examined in this section. The cell constant is composed of the 

distance between electrodes D and the electrode area WH (W: width and H: 

height), and the D/WH term has the same unit as the cell constant [M−1] in SI 

units. These rationales suggest that solution resistance increases with increasing 

D and with decreasing WH. Here, the solution resistances (or cell constants) and 

the resultant iR drops were quantitatively investigated in 0.5 mol L−1 KOH with 

various electrode surface areas and distances by electrochemical impedance 

spectroscopy. The measured solution resistances and cell constants are 

compiled in Figure  10.1.  
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Figure 10.1. Cell constant as a function of distance between electrodes with the 

electrode width of (a) 1 cm, (b) 2 cm, (c) 3 cm and (d) 4 cm. (e) Cell constant with 

respect to D/WH, where D is the distance between electrodes, W is the electrode 

width and H is the electrode height. For all the measurement, Ni foam and 0.5 
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mol L−1 KOH were used as representative electrodes and as a representative 

electrolyte (solution resistivity = 15.7 ohm cm). All were measured by impedance 

spectroscopy (100−200 kHz and 10 mV amplitude) with various electrode 

configuration; W=1–4 cm, H=1–3 cm and D=1.5–8 cm. 

As expected, Figure  10.1a−d shows larger cell constant with shorter electrode 

width (W), shorter electrode height (H) and larger distance between electrodes 

(D). Figure  10.1e compares the measured Kcell and D/WH. As a formal and 

convenient fitting, the cell constants were found to be empirically expressed in 

the formula of Kcell = 0.44(D/WH)0.27. The benchmark study allows us to 

quantitatively discuss the solution resistance in the water electrolysis systems 

with various electrode configurations.  

As discussed in Chapter  7, the solution resistivity of all the buffered 

solutions is greater than the typical alkaline solution of KOH. The solution 

resistivity term is theoretically deduced into the following formula according to the 

Stokes-Einstein model: 

2

3 d

z ecF


  , (10.2) 

where ν denotes the solution viscosity; a represents the effective sizes of the ion; 

z is the valence of the ion; c stands for the solute concentration; e is the 

elementary charge and F is Faraday’s constant. Equation 10.2 states that the 

solution resistivity is in function of solution viscosity, which is dependent on the 
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temperature. Figure  10.2a compiles the measured solution resistivity of 1.5 mol 

L−1 K-phosphate (K1.2H1.8PO4), 0.5 mol L−1 KOH and 30 wt% KOH (≈6.9 mol L−1 

KOH) with respect to temperature.  

 

Figure 10.2. (a) Solution resistivity of 1.5 mol L−1 K-phosphate (K1.2H1.8PO4), 0.5 

mol L−1 KOH and 30 wt% KOH (≈6.9 mol L−1 KOH) with respect to temperature. 

(b) Calculated iR loss in the specified electrolyte at operation of 10 mA with 1×1 

cm electrode and 1.5 cm electrode distance. The solution resistivity was 

measured by impedance spectroscopy (100−200 kHz and 10 mV amplitude). 

The resistivity of all these electrolytes was decreased with increasing 

temperature. The sensitivity to the temperature was largest in 1.5 mol L−1 K-

phosphate. The right y-axis represents the ratio of the solution resistivity (1.5 mol 

L−1 K-phosphate / 30 wt% KOH). At 25 °C, the ratio was larger than 12, and 

gradually decreased with temperature. At elevated temperature of 80 °C, the 

ratio became approximately 9. Therefore, although the resistivity of the buffered 

solution is quite larger than that of typical alkaline solutions, the gap between 
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them became smaller with elevating the system temperature. Figure  10.2b 

summarizes the expected iR drop during water electrolysis as a function of 

temperature (at 10 mA, W=H=1 cm, D=1.5 cm). In all the cases, the iR drop 

became smaller with increasing temperature, originating from the decreasing 

solution resistivity as aforementioned. In the 30 wt% KOH solution, the iR drop 

was less than 10 mV. In 1.5 mol L−1 K-phosphate solutions, it was as high as 90 

mV at 25 °C but decreased down to approximately 60 mV with elevating 

temperature.  

10.2.2. Demonstration of Water Electrolysis 

Combining all the studies, in this section water electrolysis will be 

examined. Five combinations of electrocatalysts were evaluated for water 

electrolysis in 0.5 mol L−1 KOH: (Anode, Cathode) = (NiFeOx, NiMo), (NiFeOx, 

Pt/Ni), (NiFeOx, Ni), (NiOx, Pt/Ni) and (NiOx, Ni). Also, four combinations were 

evaluated in 1.5 mol L−1 K-phosphate (pH 5.8; K1.2H1.8PO4):
62 (CoOx/NiOx, NiMo), 

(NiOx, NiMo), (CoOx/NiOx, Ni) and (NiOx, Ni). Figure  10.3 summarizes the j-E 

curves for all catalyst combinations. In all cases, the observed current densities 

increased with the applied voltage. In the alkaline solution, (NiFeOx, NiMo) and 

(NiFeOx, Pt/Ni) showed the smallest onset voltage of approximately 1.5 V, 

followed by (NiOx, Pt/Ni), (NiFeOx, Ni) and (NiOx, Ni). The separate study of 

electrolysis at a near-neutral pH revealed that a maximal performance was 

attained in a mixture of 1.5 mol L−1 KH2PO4 and 1.5 mol L−1 K2HPO4 with 80:20 

ratio described in Chapter  7.47 Nevertheless, the required voltage to achieve 

water electrolysis, even in the optimized phosphate solution for hydrogen 
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production, was found to be larger than those in the alkaline solution. In the K-

phosphate electrolyte solutions, (CoOx/NiOx, NiMo) and (NiOx, Ni) showed the 

highest and smallest current densities at a given overvoltage, respectively. The 

polarization curves for (CoOx/NiOx, Ni) and (NiOx, NiMo) appeared between 

(CoOx/NiOx, NiMo) and (NiOx, Ni).  

 

Figure 10.3. Current-voltage properties for the combinations of electrocatalysts 

in (a) 0.5 mol L−1 KOH and (b) 1.5 mol L−1 K-phosphate (pH 5.8; K1.2H1.8PO4) with 

a scan rate of −10 mV s−1.  

Figure  10.4 compares water electrolysis performance under various 

conditions, including an industry relevant electrolyte of 30 wt% KOH (≈6.9 mol L−1 

KOH) and a simple near-neutral pH electrolyte of 0.5 mol L−1 Na-sulfate (ca. pH 

6). The 30 wt% KOH solution provided the best performance (smallest 

overvoltage), followed by 0.5 mol L−1 KOH and 1.5 mol L−1 K-phosphate 

(K1.2H1.8PO4). At pH 5 of 0.5 mol L−1 Na-sulfate, much poorer performance than 
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1.5 mol L−1 K-phosphate was obtained, in consistence with the studies described 

in previous chapters.  

 

Figure 10.4. Water electrolyte performance with (anode, cathode) = (NiMo, 

NiFeOx) in alkaline solution of 30 wt% (≈6.9 mol L−1) and 0.5 mol L−1 KOH, with 

(NiMo, CoOx/NF) in 1.5 mol L−1 K-phosphate (pH 5.8; K1.2H1.8PO4) and with 

(Pt/NF, NiFeOx) in 0.5 mol L−1 Na-sulfate (pH 6) (−10 mV s−1, 298 K). 

Based on the separately measured hydrogen evolution reaction (HER), 

oxygen evolution reaction (OER) and solution resistance in all the chapters, the 

obtained performance in Figure  10.4 can be detailed. Figure  10.5 summaries the 

voltage distribution at 10 mA with 1 cm× 1 cm geometry of electrodes. In all the 

cases, the reversible potential for the water splitting is 1.23 V. Although the same 

cathode (NiMo) was used, its HER performance was better at alkaline pH. 

Regarding the OER, CoOx/NF showed poorer performance at near-neutral pH 
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compared with NiFeOx at alkaline pH. The solution resistance was also 

investigated in the previous section and Chapter  7, revealing more iR drop in 1.5 

mol L−1 K-phosphate than alkaline solutions. Notably, the pH of 30 wt% KOH 

could not be identified using the conventional pH meter, so that the overpotential 

required for both HER and OER were addressed instead of separately measured 

HER and OER, as shown in the figure. Larger iR-free overpotential (ηHER + ηOER) 

in 30 wt% KOH than in 0.5 mol L−1 KOH is most likely attributed to decreased 

HER performance in densely alkaline solution as discussed in Chapter  7. 

 

Figure 10.5. Voltage distribution for the water electrolysis in Figure  10.4, detailed 

with the separately measured HER, OER and iR in the previous chapters. 

10.2.3. Demonstration of Solar-Driven Water Splitting 

In this section, with the previously studied electrode materials and 

electrolytes, solar hydrogen production is investigated in an integrated 
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photovoltaics (PV) + electrolyzer configuration. Three or four spherical-shaped p-

n junction silicon balls were successfully connected in series, named 

“SPHELAR.” SPHELAR possessed small projected areas of 0.20 (3PVs) and 

0.26 cm2 (4PVs) and exhibited working voltages sufficient for water electrolysis. 

Photographs of the SPHELAR devise are shown in Figure  10.6. The current-

voltage profiles of one SPHELAR (3PVs or 4PVs) module in various 

configurations, i.e., at a water depth of 1 cm, above water, and above water with 

MCPET (a micro-foamed reflective sheet, Furukawa Electric Co. Ltd.), are 

summarized in Table  10.1. The 3PVs generated approximately 1.8 V of open-

circuit voltage (VOC) and approximately 1.5 V of power maximum voltage (VPM), 

and the 4PVs exhibited 2.3 V for VOC and 1.9 V for VPM. The voltage differences 

observed in 3PVs and 4PVs originated from the number of connected silicon 

cells. When placed above the electrolyte, one SPHELAR module generated 

approximately 1.0 mA of photocurrent at the plateau. With the MCPET reflector, 

the photocurrent was improved to >1.2 mA, due to collection of additional 

photons. This result indicates that this simple reflector successfully utilized the 

irradiated light to the SHPELAR. In contrast, the SPHELAR module placed in the 

electrolyte exhibited a significantly smaller photocurrent of approximately 0.7–0.8 

mA, most likely due to the light absorption by the electrolyte solutions and 

decreased lens effect of the transparent polymer resin molding of SPHELAR. 

These observations quantitatively revealed the importance of the PV module 

location. 
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Figure 10.6. Photographs of SPHELAR devices. (a) The series connected 

spherical silicon solar cells molded in transparent resin (SPHELAR, Kyosemi co. 

ltd.), the three series of silicon (3PVs, upper) and four series of silicon (4PVs, 
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bottom), (b) the stand-alone module of 3PVs with electrocatalysts of minimized 

surface area. Scale: mm, and (c) schematic diagrams for SPHELAR module. 

Table 10.1. Summary of photovoltaic performances for SPHELAR (3PVs and 

4PVs); open-circuit voltage, VOC, short-circuit current, ISC, power maximum 

voltage, VPM, and power maximum current, IPM; with various configurations, 

where SPHELAR was fixed in water, above water, and above water with MCPET. 

Configurations VOC / V ISC / mA VPM / V IPM / mA 

3PVs in water 1.76 0.689 1.50 0.613 

3PVs above water 1.75 0.971 1.50 0.893 

3PVs above water with MCPET 1.75 1.23 1.46 1.15 

4PVs in water 2.32 0.789 1.97 0.741 

4PVs above water 2.31 1.07 1.86 1.01 

4PVs above water with MCPET 2.34 1.24 1.94 1.18 

 

The current module system was capable of generating a maximum photocurrent 

of approximately 1.2 mA corresponding to an STH efficiency higher than 7%, 

assuming that all the photocurrents were converted into hydrogen and oxygen. 

The operating voltages for SPHELARs were below 1.5 V (3PVs) and 1.9 V 

(4PVs) at the maximum photocurrent of approximately 1.2 mA. According to the 

previous section, 1.2 mA at such overvoltage was achievable with (NiFeOx, Pt/Ni) 

and (NiFeOx, NiMo) for 3PVs and (NiFeOx, Ni) for 4PVs in alkaline solution. 

Additionally, (CoOx/NiOx, NiMo) and (CoOx/NiOx, Ni) were found to be capable of 
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catalyzing water electrolysis at a maximum PV photocurrent below 1.9 V (4PVs). 

The minimum electrode geometric surface area that was required to achieve the 

maximum photocurrent at the operating voltage was calculated to optimize the 

system. With the calculated surface areas of 0.45 cm2 for 3PVs with MCPET and 

0.19 cm2 for 4PVS with MCPET, solar driven overall water splitting with 

SPHELAR devices, composed of (NiFeOx, Pt/Ni) for 3PVs and (NiFeOx, Ni) for 

4PVs in 0.5 mol L−1 KOH, were demonstrated as model cases. Steady evolutions 

of hydrogen and oxygen were observed during light irradiation. The light was 

turned off after 2.0 h, and no further formations of hydrogen and oxygen were 

observed, confirming that gas productions were induced by harvesting the light. 

Additionally, the ratio of evolved hydrogen over oxygen was approximately two, 

which agreed with the stoichiometry of the water splitting reaction. The measured 

hydrogen evolution rates and solar to hydrogen (STH) efficiencies are 

summarized in Table  10.2. The devices with MCPET showed the highest STH 

efficiencies of 7.4% (3PVs) and 6.4% (4PVs). Without MCPET as the reflector, 

smaller efficiencies were obtained: 6.1% (3PVs) and 4.8% (4PVs) with 

SPHELAR above the electrolyte and 4.9% (3PVs) and 3.9% (4PVs) with 

SPHELAR in the electrolyte. The differences in the STH efficiencies due to 

device location can be attributed to light absorption by the electrolyte and the 

altered lens effect.48,49 The hydrogen and oxygen production rates agreed with 

the expected photoelectric and electric currents, revealing that an approximately 

100% of Faradic efficiency was attained.  
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Table 10.2. Summary of H2 generation rate (mA) and STH efficiency for overall 

water splitting by stand-alone SPHELAR devices in various configurations. 

Projected surface area of 0.20 cm2 for 3PVs and 0.26 cm2 for 4PVs were applied 

for STH calculation. 

 Configuration H2 / mA STH / % 

 3PVs in water 0.79 4.9 

 3PVs above water 1.0 6.1 

 3PVs/MCPET above water 1.2 7.4 

 4PVs in water 0.82 3.9 

 4PVs above water 1.0 4.8 

 4PVs/MCPET above water 1.3 6.4 

 

It should be emphasized that one of the advantages of the current 

configuration over the conventional PV + electrolyzer systems is small iR drop at 

operating condition. The benchmarking study on the cell constant in this chapter 

allows us to quantify solution resistances in our devices; 10.3 mV (0.45 cm2 in 

3PVs) and 13.8 mV (0.19 cm2 in 4PVs). In the SPHELAR system configuration, 

such a reduction of the solution resistance can be readily achieved due to the 

short distance between electrodes that are attached to both ends of the small 

SPHELAR module (~9 mm). Judging from the I-V properties for SPHELARs and 

electrocatalysts, these iR drops were less than 1% of the overall voltage. 
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10.3. Summary 

Electrocatalytic and photovoltaic-driven water splitting was examined in this 

chapter. Predominantly, water electrolysis performance is at least divided into the 

HER kinetics, OER kinetics and iR drop; and the iR drop was comprehensively 

investigated in this chapter. The solution resistance R is composed of solution 

resistivity and so-called cell constant Kcell. The cell constant largely depended on 

the cell configuration, i.e. electrode width W, height H and distances between 

electrodes D. A benchmarking study disclosed the empirical description of Kcell = 

0.44(D/WH)0.27, which enabled us to quantitatively discuss the iR drop in various 

systems. Combining all the separated studies in all chapters, water electrolysis at 

near-neutral pH was examined, revealing that the overvoltage required to reach 

10 mA was decreased by approximately 500 mV by electrolyte engineering at 

near-neutral pH (1.85 V in 1.5 mol L−1 K1.2H1.8PO4 at 10 mA). Nevertheless, when 

compared with water electrolysis in industry relevant 30 wt% KOH solution, near-

neutral pH water electrolysis exhibited poor performance (nearly 300 mV was 

additionally required). Finally, solar driven water splitting was demonstrated with 

an integrated PV + electrolyzer system consisting, where the PV was spherical 

silicon solar cells connected in series (named SPHELAR). The most efficient 

configuration exhibited 7.4% of STH efficiency with directly connected electrode 

surface area smaller than 0.5 cm2, which is the achievable maximum efficiency 

limited by the PV properties in both conditions.  
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10.4. Experimental Section 

The series-connected spherical silicon solar cells molded in a transparent 

resin, named “SPHELAR,” were manufactured by Kyosemi Co. Ltd. The series 

spherical silicon was connected to a Ni rod electrode with an ohmic contact. 

Projected surface areas of SPHELAR consisting of 3 series of silicon (3PVs) and 

4 series of silicon (4PVs) were approximately 0.20 cm2 and 0.26 cm2, 

respectively. These areas were used for the STH efficiency calculations. 

Microfoamed reflective sheets (MCPET; Furukawa Electric Co. Ltd.), as a 

reflector for SPHELAR, were prepared in the same size as the body of 

SPHELAR. 

For the electrochemical investigation, a Ni foam was used as a substrate 

and also as an electrocatalyst itself. NiFe, as an anode, was prepared by 

hydrothermal synthesis.8 A Ni foam was immersed in an aqueous solution 

containing 1 mM of Ni(NO3)2·6H2O (99.999%, Sigma-Aldrich), 1 mmol L−1 of 

Fe(NO3)3·9H2O (99.99%, Aldrich), and 5 mmol L−1 of urea (>99.5%, Sigma-

Aldrich). The sample was heat treated at 393 K for 12 h in an autoclave. NiCo 

electrocatalysts were prepared by electrochemical deposition. A Ni foam with a 

geometric size of 1×1 cm was immersed in a 0.1 mol L−1 Co nitrate aqueous 

solution (Co(NO3)·6H2O, 99.999%, Aldrich), and an electric current of −10 mA 

was applied for 1 h. For the Pt/Ni electrode as a cathode, Pt was deposited on Ni 

foam with a thickness of approximately 6 nm by RF-magnetron sputtering. NiMo 

electrocatalysts were electrochemically deposited onto the Ni foam.62 A Ni foam 
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with a geometric size of 1×1 cm was immersed in the bath containing 0.02 mol 

L−1 sodium molybdate (Na2MoO4·2H2O, 99.99%, Sigma-Aldrich), 0.04 mol L−1 

nickel chloride (NiCl2·6H2O, Sigma-Aldrich) and 0.89 mol L−1 sodium bicarbonate 

(NaHCO3, 99.5−100.5%, Sigma-Aldrich). An electric current of −77.5 mA was 

applied to the Ni foam for 30 min. The obtained NiMo electrode was kept in a 0.5 

mol L−1 KOH solution for 15 h. For the following gas analyses, the prepared Pt/Ni 

or Ni as the cathode and NiFe or Ni as the anode were connected to both edges 

of the SPHELAR by conductive epoxy resin (ITW Chemtronics Co. Ltd., 

CircuitWorks Conductive Epoxy) to evaluate the integrated system. 

Water electrolysis was investigated in the two-electrode system with Ar 

bubbling and without stirring. Surface areas of both anode (NiFe, NiCo, or bare 

Ni foam) and cathode (Pt/Ni, NiMo, or bare Ni foam) were 1×1 cm in geometric 

size. The electrochemical performances over NiFe, Pt/Ni, NiMo, and Ni were 

evaluated in a 0.5 mol L−1 KOH aqueous solution (pH ≈ 13.8), whereas those at 

near-neutral pH were in 1.5 mol L−1 K-phosphate (KH2PO4/K2HPO4=80/20, pH 

5.8)62 over NiCo, NiMo, and Ni electrodes. The applied voltage was scanned at 

−10 mV s−1. The solution resistances were comprehensively measured in various 

configurations, i.e., various widths (1–4 cm), heights (1–3 cm) and distances 

(1.5–8 cm) of Ni electrodes, by electrochemical impedance spectroscopy (100 

kHz and 10 mV amplitude). All i-E relationships in this study are reported without 

iR-correction. 
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The current-voltage properties for SPHELAR (3PVs and 4PVs) were also 

investigated by the two-electrode system with a scan rate of 10 mV s−1 from 

open-circuit to short-circuit. As a light source, a simulated sunlight (AM1.5G) was 

irradiated. During the measurements, the bodies of SPHELAR were fixed in 

various positions: a) At a depth of 1 cm in water, b) above water (in air), and c) 

above water with MCPET. 

The reflectance and scattering properties of micro-foamed reflective sheets 

(MCPET) were studied by UV-vis diffuse reflectance spectroscopy (JASCO Co. 

Ltd., V-670 spectrophotometer). As a comparison, a diffuse reflectance spectrum 

of a stainless mirror was also measured under the same conditions. 

The demonstration for overall water splitting with SPHELAR was performed 

in a Pyrex top-irradiation cell connected to a recirculating batch reactor at room 

temperature, where evolved gases were analyzed by gas chromatography 

(Shimadzu Co. Ltd., GC-8A) equipped with a TCD detector and a MS-5A column 

using Ar. The bodies of SPHELAR were fixed a) in the electrolyte, b) above the 

electrolyte, and c) above the electrolyte with MCPET. NiFeOx and Pt/Ni were 

used as the anode and the cathode (NiFeOx, Pt/Ni), respectively, in the 3PV 

system, and (NiFe, Ni) was used in the 4PV system. The geometric surface 

areas of these electrocatalysts were adjusted to achieve the maximum current of 

the SPHELAR at operating voltages. A simulated sunlight (AM1.5G) was used as 

a light source. Prior to the measurement, the reactor was purged with vigorous Ar 

flow for dozens of minutes until the remaining air was completely removed.  
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11. Conclusion and Outlook 

To meet increasing energy demand and realize the sustainability in our 

society, the utilization of renewable energy sources is essential. The main issue 

associated with the renewable energy sources is the intermittent generation of 

electricity, which requires development of technology for storing/releasing the 

generated electricity on demand. For this sake, hydrogen has been attracted 

tremendous attention in recent decades owing to its largest gravimetric energy 

density. Particularly, electrochemical hydrogen production is a promising system, 

in which the hydrogen is produced from ubiquitous and abundant water with the 

electricity generated in the renewable manner. The water electrolysis has been 

investigated for decades, and it has been well known that the extremely alkaline 

and acidic condition maximizes the system efficiency. However, when the 

electrochemical water splitting process is considered in line with renewable 

energy source utilization, factors other than the electrochemical reaction 

performance have to be considered. In the localized energy system proposed as 

a future energy management style, the safety concerns might be overcome in 

milder conditions, which also reduce the capital cost. In addition, in solar fuel 

production technologies such as photoelectrochemical and photocatalytic water 

splitting, the performance and stability of the photon absorber and the overall 

system performance have to be optimized, which is achieved in less harsh 

conditions in many cases. Therefore, at the current stage, understanding and 

improving the water electrolysis performance in milder conditions, e.g., near-
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neutral pH, are of great importance for the construction of a future sustainable 

society. 

In this dissertation, the water splitting process is studied particularly in the 

mild conditions, with a focus placed on the electrolyte properties: molarity and 

identity of ion. The forward reactions of water splitting (HER: hydrogen evolution 

reaction, and OER: oxygen evolution reaction) are mainly discussed in various 

electrolyte solutions. Importantly, the evolved hydrogen and oxygen can be 

oxidized and reduced back, respectively, during the operation when the use of 

membrane is omitted, which decreases the overall performances. To rationalize 

and regulate the disfavored crossover, the backward reactions (HOR: hydrogen 

oxidation reaction, and ORR: oxygen reduction reaction) are also examined 

under the identical conditions.  

For all the reactions of the HER, HOR, ORR and OER, Chapter  2 provided 

a theoretical benchmark of microkinetic analyses. Analysis on the sensitivity of 

reaction rates to the applied potential (Tafel analyses) has been known as a 

powerful approach in discussing the reaction mechanism and rate determining 

step. The quantitative discussion on the kinetics can be attempted by analyzing 

the so-called Tafel slope, which is the sensitivity of electric current to the applied 

potential. The chapter quantitatively provided the possible Tafel slope values and 

theoretical description of reaction rates for all the aforementioned reactions, 

which were used in other chapters accordingly when kinetics is discussed. 
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The impact of pH on the HER was examined in Chapters  3 and  4. 

Chapter  3 revealed that the cathodic behavior of a polycrystalline Pt electrode 

drastically depended on pH, which was classified into three regions as follows. In 

acidic solutions, simply hydronium ion reduction proceeded. With increasing pH 

(near-neutral pH), hydronium ion becomes insufficient to reach substantial 

reaction rates, which induces mass transport controlled reaction (diffusion-limited 

hydronium ion reduction). At more elevated overpotential, water molecule starts 

to be reduced, which is kinetically more sluggish than the hydronium ion 

reduction at near-neutral pH. At alkaline pH, solely the water reduction proceeds. 

The observation was confirmed also using a Ni electrode in Chapter  4, indicating 

the universality of the rationale regarding pH influences on the HER.  

Rational elucidation of the HER at near-neutral pH in Chapters  3 and  4 

identified the limiting factor of the reaction performance: (a) sluggish kinetics of 

the water reduction and (b) insufficient hydronium ion activity. These rationales 

suggest strategies towards improving the HER performances at near-neutral pH. 

(A) Facilitating water molecule dissociation by a rationale catalyst design. One 

way to improve water molecule reduction kinetics was previously reported at 

alkaline pH, in which a Pt electrocatalyst was decorated with Ni(OH)2, and the 

interface between Pt-Ni(OH)2 was hypothesized to facilitate water dissociation. 

This approach was adopted in Chapter  4 for water molecule reduction at near-

neutral pH; the Pt nanoparticle was decorated with Ni. Indeed, a drastic 

improvement was observed: at −10 mA cm−2, the overpotential is reduced by 

approximately 50 mV. (B) Maintaining hydronium ion activity by utilizing buffering 
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action. Chapter  5 attempted to utilize buffered solutions as a “supporting 

electrolyte”. When the buffered species is present at near-neutral pH, the HER 

onset potential became comparable to those at acidic and alkaline conditions, 

revealing effectiveness of buffering action on the HER at near-neutral pH. 

However, the current-concentration relationship was found to be volcano-shaped: 

below a certain concentration (ca. 2.0 mol L−1 for Na-phosphate at pH 5) the 

HER performance increased with concentration, but in further denser solution the 

performance monotonically decreased. A microkinetic analysis conjugated a 

description of mass transport in Chapter  5 revealed that the HER performance in 

buffered near-neutral pH condition is predominantly determined by slow diffusion 

of buffered species (proton carrier). The rationale indicates that tuning of 

electrolyte properties is speculated to result in enhanced mass transport flux and 

resultant improved apparent HER performance. 

Chapter  6 dealt with densely buffered solution as in Chapter  5, but focused 

on the ORR and HOR. Increasing solute concentration in these cases simply 

resulted in poorer performances. The decrease in the mass transport of 

dissolved gases was well reproduced by the separately measured primitive 

parameters: (A) diffusion coefficient of gases, (B) kinematic viscosity and (C) 

gases solubility. The observation indicates the significance of electrolyte 

properties also for the ORR and HOR. 

Chapter  7 combined the studies in Chapters  5 and  6 towards efficient 

hydrogen production with crossover regulation in buffered near-neutral pH 
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conditions. According to the studies described in Chapters  5 and  6, alteration of 

the electrolyte identity and molarity is expected to result in drastically altered 

HER and ORR performances. Fine tuning of electrolyte properties, or electrolyte 

engineering, was demonstrated as a powerful approach to realize selective 

hydrogen production. At an overpotential of 50 mV for the HER in an oxygen 

saturated solution, as high as 90% of selectivity to the HER was observed in the 

optimum electrolyte of KH2PO4-K2HPO4 mixture (ratio of 4/6 at 1.5 mol L−1), 

where −10 mA cm−2 for the HER was achieved over a Pt catalyst. 

The study on the HER was further advanced in Chapter  8, where the HER 

was examined using a variety of materials (monometallic W, Ni, Pt, Au and Cu, 

as well as bimetallic Ni-Cu) over a wide temperature range (299−346 K) at a 

buffered near-neutral pH (1.5 mol L−1 K-phosphate at pH 5.8). The overall 

performance using the monometallic electrodes was found to be represented by 

a classic volcano-shaped trend when compiled as a function of the binding 

energy of the reaction intermediate species (Sabatier principle). However, 

temperature sensitivity analysis indicated that the apparent activation energy did 

not coincide with the overall performance. Interestingly, microkinetic analysis of 

the temperature- and potential-dependent parameters revealed that lower 

activation energies coincided with lower entropy of activation. Due to the 

disclosed enthalpy-entropy compensation effect, the conventional approach of 

mixing elements of lower and higher binding energies of intermediate species 

failed: even though Ni-Cu showed lower apparent activation energy, its activity 
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towards the HER was between Ni and Cu due to the lowered entropy of 

activation. 

The OER, which is the anodic half reaction of the water splitting, was 

discussed in Chapter  9. Simply the well-studied OER electrodes at alkaline pH 

were adopted for the study of the OER at near-neutral pH. Nickel-iron oxide was 

found to exhibit high activity also at near-neutral pH, but it lost its activity 

gradually. On the other hand, noble metal added cobalt oxide (M-CoOx) showed 

a high activity with better stability for successive potential cycling at near-neutral 

pH. The M-CoOx was thus considered as a candidate for the anode in the water 

electrolysis at near-neutral pH at this stage. 

Solution resistances play a significant role in electrochemical processes, 

which induces the voltage loss during water electrolysis. The solution resistance 

is composed of solution resistivity and cell constant (cell configuration). Each 

factor was comprehensively examined in this dissertation. The solution resistivity 

of the various electrolytes at a variety of concentration was compiled in 

Chapter  7. Theoretically speaking, the resistivity originates from the migration of 

ions, which is highly correlated with the diffusion of ions. Thus, naturally, the 

electrolyte composition that maximized ion diffusion (optimum conditions for the 

HER in buffered conditions as in Chapter  7) also minimized the solution resistivity 

in buffered near-neutral pH conditions. The cell constant in various configurations 

was examined in Chapter  10. It was experimentally observed that a larger 
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electrode surface area and a smaller electrode gap resulted in a smaller cell 

constant.  

Finally in Chapter  10, overall water electrolysis was investigated. With cost-

effective and earth-abundant elements, e.g., NiMo cathode and CoOx/NiOx 

anode, 10 mA cm−2 was achieved at 1.85 V in 1.5 mol L−1 K1.2H1.8PO4; electrolyte 

engineering led to an improved performance at near-neutral pH levels by >500 

mV at 10 mA cm−2 (2.4 V in Na-sulfate solution with Pt/Ni and NiFe electrodes). 

The study was further extended to solar-driven water splitting system 

development in PV + electrolyzer configuration. As a model case, a spherical 

silicon solar cell (SPHELAR) directly connected to the electrode was utilized to 

examine solar-driven water splitting at near-neutral pH. It was revealed that the 

small size of the SPHELAR (less than 1.0 cm) reduces the ohmic loss, the 

optimized electrolyte composition decreases the required electrode surface area, 

and the monolithic configuration successfully prevents photon absorption by the 

liquid phase.  

The present study provides a deep understanding of electrolyte impacts on 

the H2/O2 aqueous electrochemistry particularly for the HER. However, for 

practical application of water splitting process at near-neutral pH levels, further 

improvement is essential. Importantly, systematic investigation of the OER using 

model electrodes in various electrolytes (particularly, with a focus placed on 

molarity and identity of ion) is critical in elucidation and improvement of the 

anodic processes during the water electrolysis at near-neutral pH. Such 
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fundamental studies, in conjugation with the study described in this dissertation, 

will certainly lead to further improvements in the overall performance. 

Quantitatively, two target values can be set regarding the water electrolysis 

at near-neutral pH.  

(1) 1.45 V at 10 mA cm−2: As demonstrated in Chapter  10, water electrolysis in 

30 wt% KOH (industrialized conditions) can achieve 10 mA cm−2 at 1.45 V, 

although near-neutral pH required ≈1.8 V. In order to become comparable to the 

large scale water electrolyzer, this gap needs to be filled.  

(2) 1.56 V of onset voltage: As described in Chapter  1, there is no single PV that 

provides sufficient voltage to drive water splitting with appreciable photocurrent. 

Series connected PV is thus essential for integrated practical PV + electrolyzer 

systems. 2PV configuration ideally generates the highest photocurrent of 28 mA 

cm−2 (≈STH 34%) at 1.56 V. Thus, higher STH efficiencies are achievable with 

electrolyzer system that splits water molecules below 1.56 V: for more effective 

solar hydrogen production, the overall onset voltage needs to be decreased to 

1.56 V. The conventional NiMo was found to exhibit comparable HER onset 

potential to Pt as in Chapter  7. Theoretically, at the onset potential where current 

is ≈ 0 mA cm−2, the solution resistance is zero. Therefore, what limits to achieve 

onset voltages smaller than 1.56 V is the anode performance.  

In addition, apart from the PV + electrolyzer system, the obtained 

knowledge in the dissertation can be applied to photocatalytic and 

photoelectrochemical water splitting. Particularly, in typical photocatalytic water 
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splitting system, pure water is used as an electrolyte. Such a condition 

corresponds to unbuffered near-neutral pH conditions. As discussed in the 

dissertation, to obtain a substantial reaction rate for the HER in the unbuffered 

near-neutral pH conditions, water molecule rather than hydronium ion has to be 

the reacant, since the diffusion-limited hydronium ion cannot reach the 

appreciable current, e.g., −10 mA cm−2. Water molecule reduction is kinetically 

more sluggish than the hydronium ion reduction, where a catalyst design to 

facilitate water dissociation seems effective. Furthermore, utilization of buffering 

action to provide proton to the active site at near-neutral pH, which can overcome 

the diffusion limit, would be a promising approach also for the photocatalytic- and 

photoelectrochemical water splitting. In such conditions, electrolyte engineering 

would also be a powerful approach to improve the surface electrocatalysis and 

regulate the cross-over of evolved oxygen and hydrogen. Transferring the 

obtained knowledge in the dissertation into such reactions is expected to not only 

result in elucidation of the complex process involved in solar-fuel production 

systems, but also can lead to drastic improvements of photocatalytic and 

photoelectrochemical water splitting performances.  
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