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ABSTRACT 

Significant research efforts have been directed towards exploring electrocatalysts for the 

selective reduction of CO2 to fuels such as methanol. Bocarsly et al (Princeton 

University) have recently reported the use of aromatic amines (e.g. pyridine (C5H5N)) as 

electrocatalysts in aqueous electrolytes for the reduction of CO2 at low overpotentials 

(50-150 mV). Importantly, the CO2-pyridine reduction process was claimed to 

selectively produce methanol with Faradaic efficiencies of ~100% on p-GaP electrode 

and 22-30% on Pt and Pd electrodes. Moreover, the initially proposed mechanism based 

on a radical intermediate interaction with CO2 as a key step toward the production of 

methanol was subsequently disproved. In this project, methanol formation by the CO2-

pyridine (C5H5N) system was assessed by conducting electrolysis under various 

conditions at platinum electrodes. High pressure CO2 was used with the aim of 

increasing the methanol yield. In the course of the present study, the bulk electrolysis 

confirmed the methanol production at 1 bar and at 55bar of CO2 in the presence of 

pyridine. However, the methanol yield was found to be persistently limited to sub-ppm 

level (<1ppm) under all conditions investigated. The observed methanol yield limitation 

could not be overcome by the electrode reactivation techniques used. Moreover, the 

methanol formation seemed unaffected by the current density or the biasing mode. This 

was an indication of the independence of methanol production from the charge transfer 

on the electrode. In agreement with these observations, analysis of the voltammetric 

data supported by simulation revealed that the CO2-pyridine reduction system is mainly 

pyridinium assisted molecular hydrogen production under all conditions investigated. In 

particular, protonated pyridine (C5H5N) ‘pyridinium’ was confirmed to behave as a 

weak acid on platinum. It was found that CO2 is merely a proton source of pyridine 

reprotonation via the hydration reaction followed by carbonic acid dissociation. The 

reprotonation reaction coupled to the electrode reaction ultimately leads to the 

dihydrogen production. No direct contribution of CO2 in the reduction process was 

observed. The production of methanol seems to occur chemically rather than directly 

driven by the charge transfer on the electrode. The role of pyridine (C5H5N) appears to 

be restricted to assisting in the generation of the hydrogen necessary for the alcohol 

production.  
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Chapter 1 Introduction 

The prosperity of our modern world and the consequent improvement to the quality of 

human life was initiated by the industrial revolution; an era where inexpensive and 

seemingly inexhaustible fossil fuel energy was discovered and exploited. The industrial 

revolution, initially fuelled by coal and then natural gas and oil, has entirely changed the 

way people live and utilize energy. Liquid fossil fuels such as petroleum and converted 

natural gas are of particular interest as they represent excellent feedstocks for chemicals 

and plastics production. Furthermore, the world’s transportation systems are almost 

exclusively powered by refined petroleum, owing to its high energy density and 

portability. The exploitation of such fossil fuels has offered widespread electricity use, 

cleaner heating and cooling, improved housing and transportation among other benefits. 

While this form of energy continues to be the main power source (fossil fuels account 

for more than 80% of the world’s energy (Aresta 2010) and it has propelled the world to 

high living standards, this brings a potential threat to the environment.  

Average atmospheric temperatures have increased drastically since the industrial 

revolution. For instance a globally averaged warming of 0.85 °C (between 0.65 and 1.06 

o
C) was observed over the period 1880-2012 (IPCC 2014). According to the 

Intergovernmental Panel on Climate Change (IPCC) of the United Nations, the 

observed increase is likely to have occurred due to the increase in anthropogenic 

greenhouse gas (GHG) concentrations in the atmosphere. The phenomenon by which 

the GHGs (including CO2, water vapour, methane and nitrous oxide) absorb outgoing 

radiation, resulting in the increased temperature observed, has become known as global 

warming. There is a general consensus that the rising temperatures have triggered other 

changes such as the rise of the sea level, the frequency and intensity of extreme climate 

events, glacier retreat and greening of the desert among other serious environmental 

changes (IPCC 2014). 

Carbon dioxide (CO2) has been identified as the most influential GHG due to its high 

radiative forcing (net change of the solar irradiation absorbed by the Earth surface and 

the energy radiated back to space). The extent of such an effect is determined by the gas 

concentration and its absorption capacity (Shine et al. 1990). CO2 concentrations have 

risen by ca. 30% from pre-industrial levels of 280ppm (prior to 1750) to over 387ppm 
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today and they continue to rise by 2-3ppm/year (Aresta 2010). Such increases in 

atmospheric CO2 are primarily caused by the combustion of fossil fuels in energy-

related activities and industrial processes (Ganesh 2014) (Smith 2010). 

Recently, many efforts have been directed toward to carbon capture and storage (CCS) 

as a mean of preventing the accumulation of atmospheric CO2. The CCS CO2 mitigation 

route is concerned with the capture of the GHG primarily from industrial or power 

sector point sources such as fossil fuel power plants, refineries, iron, steel and chemical 

industries and its transport through dedicated pipelines to be finally stored in geological 

reservoirs, such as saline aquifers or depleted gas fields. CCS has been demonstrated to 

be high cost (e.g. requires 10-40% of the energy produced by a coal fired power station 

per kWh) (Smith 2010) for the capture part, yet the storage and the transport costs can 

be as significant as well, especially if the reservoir is far from the CO2 source. Although 

in some countries the geological storage capacity is evaluated to be sufficient, a level of 

uncertainty remains in terms of the reservoirs’ capacity and their capability of safely 

storing the GHG (Peter Styring 2011). In view of the high investment costs, uncertainty 

over potential storage capacity and leakage, which have unknown environmental and 

ecological impacts and risks, complementary options must also be considered. For 

example, the use of CO2 as a building block in the production of chemicals for 

industrial applications can provide sustainable industries and consequently contribute to 

CO2 emissions reduction. As such, carbon capture and utilisation (CCU) has been 

suggested as an alternative or complementary route to CCS.  

CCU is a technology based on several potential routes. CO2 transformation via mineral 

carbonation, biofuels from algae and chemical conversion all have great potential in 

addressing the CO2 emission issue (Peter Styring 2011). Mineral carbonation involves 

the production of inert carbonates from CO2 and minerals (usually calcium or 

magnesium silicates) and is potentially useful in providing construction materials. This 

route still requires optimisation of conditions at the industrial scale and the process is 

estimated at high cost (€60-100/t CO2 stored) (Peter Styring 2011). Microalgae can use 

flue gases and CO2 as a nutrient source to produce a wide range of products such as 

chemicals, fertilizers and biofuels. This route however is similar to mineral carbonation 

in that it still needs cost and energy reductions and is currently at the R&D stage (Peter 

Styring 2011). 
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The conversion of CO2 into a chemical form, such as valuable organic compounds, 

hydrocarbons and transportable liquid fuels is a particularly attractive approach 

contributing to the establishment of a carbon energy cycle. In new CO2 based cycles, 

energy from renewable sources, such as wind, solar, bio or nuclear power, should be 

utilized to produce fuels/valuable chemicals from captured CO2. Accordingly, 

additional CO2 will not be released to the atmosphere during the generation of energy 

(e.g., heat, electricity), and thus the cycle can generate “carbon neutral” fuel or 

chemicals. Amongst various renewable energy utilisation routes, the renewable energy 

conversion into electrical energy is the most established and is currently 

commercialized.  

In order to build the carbon energy cycle concept based on renewable energy, two main 

strategies are known. One is hydrogenation reaction in which H2 generated by water 

splitting is used to convert CO2 to useful chemicals. The other route is the direct 

electrochemical CO2 reduction with a proton source to form valuable products such as 

fuels (Aresta 2010) (Appel et al. 2013). The electrochemical pathway is considered 

more practical in terms of the mild reaction conditions it offers as compared to chemical 

conversion (e.g. CO2 hydrogenation to methanol (CH3OH) is performed at 125–525ᵒC 

under 2–12MPa pressure). Furthermore, the electrochemical reduction of CO2 is more 

convenient in terms of electrical energy storage in the form of liquid fuel. In this 

instance, the proton source is either molecular hydrogen or water and the by-product is 

water (Ganesh 2014). The electrochemical CO2 reduction in aqueous electrolytes and 

under specific conditions can lead to the formation of CO, formic acid, alcohols, 

hydrocarbons (e.g. methane) and other valuable products. Being a high-energy product, 

convenient to store and transport, methanol (CH3OH) is one of the most attractive of 

these products. The alcohol has a high energy density per volume 15.6MJ/L which 

makes it an ideal portable liquid fuel for combustion and transportation (Ganesh 2011). 

Moreover, methanol (CH3OH) can be easily converted to gasoline or added as a reactant 

in transesterification of triglycerides to form biodiesel.   

To reduce CO2 electrochemically an external bias is required to supply electrons to the 

electrode. The potential energy supplied should be kept to a minimum (lowest 

overpotential possible to drive a reaction) for a given electrochemical CO2 reduction 

system to be efficient and economically viable. In addition, a high Faradaic efficiency 

(defined as the ratio of the actual and theoretical amounts of product formed within the 
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same electrolysis time, based on the number of coulombs passed) and selectivity toward 

the desired product are also critical factors (Aresta 2010). The product selectivity is 

important in terms of saving energy needed for separation and purification. The 

industrial implementation, on the other hand, entails the use of high current densities (a 

measure of the rate of conversion) (Qiao et al. 2014).   

The use of aqueous electrolytes represents an attractive approach as water is seen as a 

non-expensive proton source and is regarded as more economic than organic solvents 

(Hori 2008). However, the hydrogen evolution reaction (HER) usually competes with 

CO2 reduction at a rate proportional to the proton activity in such an electrolyte at a 

given constant potential and at a given  metal electrode (Hori 2008). In such systems, 

heterogeneous catalysts (e.g. metal oxides, metal complexes), at the 

electrode/electrolyte interface, are usually used to activate CO2 to reduce the high 

overpotentials (Jhong et al. 2013). The development of homogeneous organic catalysts 

for the electrochemical reduction of CO2 is a promising approach which is beginning to 

attract more researchers (Oh 2013). An efficient catalyst should (1) favour the CO2 

reduction over the competing hydrogen evolution reaction (HER) or ideally suppress it, 

(2) operate at reduction potentials close to those of the desired CO2 reduced products 

(this minimises the overpotentials). Most electrochemical CO2 reduction processes 

employing homogeneous catalysts demonstrated to date have been found to be 

impractical (Schwartz 1993). This is usually due to the competition with HER, low 

current densities, low Faradaic efficiencies and/or electrochemical product yields and 

/or poor selectivity toward the desired product.  

Recently, protonated pyridine (C5H5N) ‘pyridinium’ was shown to catalyse a highly 

efficient electrochemical CO2 reduction system to produce methanol (CH3OH) 

(Seshadri et al. 1994). In conjunction with semiconductor (p-GaP) or metal (Pt, Pd) 

surfaces pyridinium was reported to support CO2 to methanol (CH3OH) conversion at 

~>95% and 22-30% Faradaic efficiencies respectively. Bocarsly and co-workers have 

shown that the CO2 reduction potential in acidified pyridine-containing electrolytes is 

close to the potential for CO2 reduction to methanol (CH3OH), consequently the 

formation of the alcohol was achieved at low overpotentials (~100-200mV). The 

remarkably efficient system has stimulated several studies directed toward gaining 

further mechanistic insights; thus the implementation of this system on a large-scale 

could address some of the environmental issues associated with CO2-generating 
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technologies. Understanding the mechanism and hence the potential for scale-up is the 

key driver for the present work. 

The CO2 reduction process was suggested to proceed via the pyridinium 

electrochemical reduction to a radical intermediate which interacts with CO2 to form a 

complex as a first step toward the production of methanol (CH3OH). However, some 

independent theoretical calculations have shown that the radical suggested cannot 

possibly form at the experimentally reported reduction potential and the conditions 

studied by the original group. Instead, the intermediate radical forms at least 0.6V more 

negatively than observed (J. a Keith & Carter 2013). This has accordingly ruled out the 

key step of the mechanism proposed and stimulated further investigations.  

Alternative mechanisms based on experimental investigations together with numerical 

simulations (Costentin et al. 2013) and theoretical calculations (Ertem et al. 2013) (Liao 

et al. 2015) were suggested by independent groups. The first study, undertaken at Pt 

electrode and very similar conditions to the original group reports, indicated that the 

catalytic role of pyridinium at such condition is merely a weak acid behaviour leading 

exclusively to HER (Costentin et al. 2013). On the other hand, Barista and co-workers 

proposed a theoretical mechanism in which pyridinium catalyses the CO2 reduction to 

formic acid on platinum electrode. These authors suggested that CO2 is reduced by 

binding of hydrogen atoms to the Pt surface (Pt-H hybrid) that are transferred as hybrids 

to CO2 in proton coupled hybrid transfer (PCHT) activated by pyridinium (Ertem et al. 

2013) (Liao et al. 2015). Hence, the mechanism of this system is controversial to date. 

Moreover, CO2-pyridinium system was reported only at low current densities (~50µ/A 

cm
2
) and low methanol (CH3OH) concentrations (~1ppm). Nonetheless, the CO2-

pyridine (C5H5N) reduction system was investigated at other material electrodes such as 

Au (Lucio & Shaw 2015), TiO2 passivated GaP (Zeng et al. 2014), Pt/C TiO2 (de 

Tacconi et al. 2012) and iron pyrites (Bocarsly et al. 2012). Some of these studies 

confirmed the production of methanol (CH3OH) (Boston et al. 2013) (de Tacconi et al. 

2012) (Zeng et al. 2014), while others could not detect the alcohol or any other carbon 

based products (Costentin et al. 2013)(Lucio & Shaw 2015). Intriguingly, methanol 

(CH3OH) was formed on TiO2 passivated GaP even in the absence of pyridinium (Zeng 

et al. 2014). In view of the reported mechanisms which reached different conclusions in 

terms of the pyridine (C5H5N) catalytic activity in the CO2 reduction system and the 
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controversy over the methanol (CH3OH) production, an experimentally based study 

along with numerical simulations of such system are reported herein.  

The current work aims to answer two key questions:  (a) Is there potential for methanol 

(CH3OH) formation by the CO2-pyridinium system at reasonable reaction rates and 

concentrations? and (b) Can the controversy over the reduction mechanism of this 

system be solved? The approach to answering these questions is two-fold. First, a high 

pressure electrolysis study was conducted under various conditions aimed at increasing 

the methanol (CH3OH) yields and enhancing the current densities of the electrochemical 

reduction of CO2. The concentration of dissolved gaseous CO2 is limited in aqueous 

solutions at 1bar; this restricts the CO2 availability at the electrode and hence limits the 

reduction rate.  The concentration of the reactant, CO2, can be enhanced by increasing 

its pressure. The abundance of this reactant near the electrode surface should maximise 

the current proportion contributing to CO2 reduction to methanol (CH3OH) and could 

also increase the operating current densities. Thus, in this project, electrochemical 

reduction in the CO2-pyridinium system was extended to high CO2 pressure (50-55bar) 

at Pt electrodes.  

Secondly, the role of pyridinium in the electrochemical CO2 reduction was investigated 

in the present project. In this context, a comparative approach of the two 

experimentally-derived mechanisms ‘Bocarsly and Savéant groups’ is adopted (Barton 

Cole et al. 2010) (Costentin et al. 2013). The mechanisms best describing this process in 

an inert atmosphere and under CO2 are derived from a detailed voltammetric study, 

numerical simulations and Nicholson based diagnostics. 

The thesis is organised as follows: This Chapter presents the motivation for undertaking 

the present work. Chapter 2 provides an outline of the fundamental and experimental 

principles underpinning the electrochemical processes. Chapter 3 presents a 

comprehensive review of the recent literature of CO2 electrochemical reduction. The 

first part reports the un-catalysed direct CO2 electrochemical reduction, whereas the 

second part provides a summary of the studies reported on the electrocatalytic reduction 

of CO2 to methanol (CH3OH). The final section reports the early investigations of 

electroreduction by nitrogen bearing heterocycles. Chapter 4 describes the 

electrochemical techniques and methods used in this project. Chapter 5 presents the 

calculations of the ionic species concentrations in the CO2-pyridine system. Chapter 6 

and Chapter 7 report and discuss the results obtained in this project. Chapter 6 
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investigates the pyridinium role in the electrochemical CO2 reduction system. 

Mechanisms of pyridinium reduction are proposed in both the absence and the presence 

of CO2. Chapter 7 reports the production of methanol (CH3OH) through the pyridinium-

CO2 reduction route at atmospheric pressure and at high CO2 pressure. Finally, a 

summary of the research work and suggestions of future work are presented in the 

conclusion section. 
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Chapter 2 Background Theory 

2.1 Introduction 

Electrochemistry usually involves the charge transfer between electron conductors 

(electrodes) and a solid ionic conductor or an electrolyte solution. It has a wide range of 

applications such as electroanalytical measurements, batteries and fuel cells as well as 

water treatment, and energy conversion technology; the latter being the subject of this 

thesis.  

This Chapter provides an outline of the fundamental and experimental principles 

underpinning electrochemical processes. It covers the basics of electrochemical 

equilibria, the Nernstian system and the standard arrangement used in electrochemical 

cells. The theoretical and experimental aspects of controlled potential measurements, 

such as cyclic voltammetry and chronoamperometry used in this project are described in 

this Chapter. The Chapter also outlines the coupled chemical reactions, which provide 

mechanistic insights into a given electrochemical system.  

2.2 Equilibria 

2.2.1 Chemical Equilibrium 

In a broad sense, equilibrium is defined as the state of a system in which competing 

influences (e.g. forces) are balanced resulting in no net change. In chemical reactions, 

the equilibrium is the state at which both the reactants and the products have reached 

certain concentrations (Atkins & De Paula 2006). Thermodynamics is used to predict 

the change in energy and equilibrium composition of a chemical reaction. This section 

is concerned only with what is essential to describe thermodynamics in electrochemical 

systems. 

Under equilibrium, the Gibbs energy of a system, Gsys, is minimized at constant 

temperature and pressure. This is mathematically written as: 

         Eq. 2.1 
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The reaction of reactants A and B is considered to proceed to products C and D with 

stoichiometric coefficients a, b, c, and d, respectively (Reaction 2.1): 

            Reaction 2.1  

The standard Gibbs energy change of the reaction is expressed as a function of the 

equilibrium constant K: 

            Eq. 2.2 

where    is Gibbs energy change (J. mol
-1

), R is the universal gas constant (8.314JK
-

1
mol

-1
), and T is the temperature (K). The equilibrium constant, K, is described in Eq. 

2.3 at a constant temperature 

  
        

        
 

Eq. 2.3 

The chemical equilibria of pyridine (C5H5N) in the absence and the presence of CO2 are 

described in Chapter 5. 

2.2.2 Electrochemical Equilibrium 

An electrochemical equilibrium is established when an electron conductor (electrode) is 

brought into contact with an ionic conductor (electrolyte). Establishing electrochemical 

equilibrium usually involves an electron transfer at the electrode-electrolyte interface; 

this naturally results in an electrical charge difference between the two phases. 

Accordingly, a potential difference, E, between the electrode (e.g. metals) and the 

electrolyte (solution) develops. This may be used to drive a chemical reaction in 

solution, for example at the working electrode of an electrochemical cell. One of the 

two electrodes responds to the target reactant and thus is termed the working electrode 

(WE); the second electrode is the reference electrode (RE), which is independent of the 

properties of the electrolyte. The WE is of interest as the reactions take place between 

the interface of the latter and the electrolyte, which is usually a solution. If a general 

heterogeneous electron transfer reaction is considered, then: 

      
  
  

  
         

Reaction 2.2 

where, O, symbolizes the oxidized species, R represents the reduced species, n is the 

number of electrons transferred and kf and kb are the rate constants of the reduction 

(forward reaction) and the oxidation (backward reaction) reactions respectively. The 
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establishment of equilibrium in this case implies that the rate constant of the forward 

reaction is balanced by the rate of the backward reaction. Once the equilibrium is 

attained no further change occurs, the concentration of the oxidized and reduced species 

remains unchanged as compared to the values prior the redox reactions (Atkins & De 

Paula 2006) (Compton Richard G 2010).  

 

Figure 2.1 The electronic energy diagram in metal electrode –solution (a) before 

electron transfer (b) after electron transfer  (Compton Richard G 2010) 

Metals are comprised of closely packed atoms in which the outer valence electrons are 

free to move throughout the solid. In energy terms, these electrons are considered to 

occupy the ‘conduction band’. In an electronic conduction band, an effective continuum 

of levels is filled up to an energy maximum (Fermi-level). Figure 2.1 illustrates the 

energy level diagram for a metal electrode in solution and shows the change in the 

relative position of these energy levels. The scheme in Figure 2.1a shows the 

metal/solution state before charge transfer, the Fermi level is higher than the energy 

level within the molecule O in solution. It is therefore energetically favourable for an 

electron to leave the electrode and join the molecules O, reducing them to species R. 

Upon the electron transfer from the metal to the solution a positive charge builds up on 

the metal electrode and corresponding negative charge in the electrolyte. Hence, the 

electronic energy of the metal electrode is lowered (progressively lowering the Fermi-

level) relative to the electrolyte (Figure 2.1b). Subsequently, the negative charge in the 

solution raises the energy levels of this latter. In this instance, a dynamic equilibrium 

takes place where the rate of electron transfer from the metal to O is matched with the 
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rate of the electron transfer from R back to the metal (species R becomes oxidised) 

(Wang 2006) (Compton Richard G 2010).  

2.2.2.1 Nernst Equation 

The reaction in Scheme 2.2 occurs in a potential region where the electron transfer is 

kinetically or thermodynamically favourable. In thermodynamically controlled systems, 

the Gibbs energy is related to the concentration of the electro-active species CO (0, t), CR 

(0, t) in the electrode process by: 

            
       

       
  

Eq. 2.4 

Eq. 2.4 is expressed in terms of concentrations of O and R species instead of their ionic 

activities (see the ionic activity Section 2.5.1.1). Usually an ideal solution of 1M is 

considered when describing energy/potential equations, since at such ideal state the 

ionic activity is identical with the molar concentration. Gibbs energy for Scheme 2.2 at 

equilibrium as a function of the potential difference is given by: 

            Eq. 2.5 

where E is the potential between the WE and RE, Q is the charge (C): which is the 

number of electrons transferred within the reaction, n, times the Faraday constant 

(96,484.6 C mol
-1

), this constant represents the charge of a mole of electrons. In the case 

of all substances are at unit activity, the equation (Eq. 2.5) is written as: 

 

          Eq. 2.6 

where, E
0
, is the standard potential (V) of the reaction. Eq. 2.4, Eq. 2.5 and Eq. 2.6 give 

the relationship of the concentration of the electroactive species CO (0, t), CR (0, t) with 

the potential, known as the Nernst equation: 

 

     
  

  
   

       

       
 

Eq. 2.7 
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2.2.2.2 Faradaic and Non –Faradaic Processes 

2.2.2.2.1. Electrode Processes 

The current flowing in an electrochemical cell can be either Faradaic or non-Faradaic. 

The Faradaic currents are all the currents resulting from the reduction or oxidation of 

the species in the cell (Bard & Faulkner 2002). These currents are governed by 

Faraday’s law: 

  
  

  
 

 

  
        

  

  
  

Eq. 2.8 

where, t, is the time (s), and N is the number of moles reacted. All other processes not 

involving a charge transfer are considered non-Faradaic processes (e.g. 

adsorption/desorption processes). These reactions are usually caused by changes in the 

solution composition or the electrode surface, which lead to non-Faradaic current flow. 

Since no charge crosses the electrode interface, the electrode-solution behaviour is 

effectively similar to a capacitor, where at a given potential a charge builds up at the 

electrode and the corresponding charge in the solution. Therefore, such system is 

analogous to a capacitor in series with a resistor, the current as function of time is given 

by: 

  
 

  
        

Eq. 2.9 

where, i, is the current (A), E is the potential (V), R is the solution resistance (Ω), C is 

capacitance and  t is the time (s). Eq. 2.9 is derived from Ohm’s law (Eq.2.10) and the 

capacitance (Eq. 2.11) as shown in Appendix A4. 

  
 

 
  

Eq. 2.10 

Capacitance is directly proportional to area of the conductors and inversely proportional 

to the separation distance between the conductors: 

         Eq.2. 11 
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2.3 Electrochemical Cells 

2.3.1 Types of Electrochemical Cells 

Electrochemical cells are devices capable of either generating electrical energy from 

chemical reactions known as ‘galvanic cells’ (e.g. batteries), or supplying electrical 

energy into a system to drive or facilitate chemical reactions such as electrolytic 

syntheses termed ‘electrolytic cells’. The galvanic cells are those whose reactions are 

spontaneously taking place at electrodes when connected via an external conductor 

(electricity is generated in this case), however electrolytic cells require an external 

potential that is higher than the potential of the cell to drive the electrochemical process 

(Zoski 2007).  A typical example of a galvanic cell, Volta’s battery, is depicted in 

Figure 2.2b. It consists of stacked copper and zinc disks separated by paper soaked in an 

acidic solution. Figure 2.2a, however, illustrates a two-electrode arrangement 

electrolytic cell driven by an external energy, with copper as a cathode and platinum as 

an anode. In this thesis, the latter cell type is used to drive CO2 reduction to methanol 

(CH3OH). 

 

Figure 2.2 (a) An electrolytic electrochemical cell, (b) A galvanic electrochemical cell 

(Zoski 2007)(Bard & Faulkner 2002) 

2.3.2 Three Electrode Set Up 

Controlled potential techniques investigating kinetics often employ a three-electrode set 

up which consists of a WE, the electrode at which redox reactions occur, a RE provides 

a stable and reproducible reference potential and a counter electrode (CE) (or auxiliary), 
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that is a third electrode needed as a current carrier. The three electrodes are connected in 

a bulk electrolyte system and are controlled by a potentiostat. In such system, a 

potential is applied and controlled by the polarizing circuit between the WE and the RE, 

and the current through the cell is monitored by the measuring circuit. Since negligible 

current flows through the RE, and because this electrode has a constant potential, any 

changes in the potential are reflected as changes in the WE potential EWE. During the 

passage of the current a voltage drop equal to iR is always included in the measured 

value (Eq. 2.12). The term iR reflects the electrical resistance of the bulk solution 

between the WE and RE electrodes (Zoski 2007)(Scholz 2010)(Bard & Faulkner 2002).   

                 Eq. 2.12 

The working electrode capacitance gives rise to an additional non-Faradaic current (as 

described in the previous section), which contributes to both the forward and backward 

Faradaic current responses; this is due to the double layer, diffuse layer, and capacitance 

(discussed later in the electrical double layer section) (Scholz 2010) . On the other hand, 

the presence of the uncompensated resistance (iR) causes a deviation of the applied 

potential from the true value as illustrated in Figure 2.3.  

 

Figure 2.3  Simulated cyclic voltammograms of a simple E reaction at planar electrode 

(1cm
2
) and 100mV/s (DigiSim.3.03) showing the effect of capacity and solution 

resistance. (a) reversible cyclic voltammogram, (b) with effect of capacity, and (c) with 

additional resistance, R=10Ω.
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2.3.2.1 Working Electrode (WE) 

The working electrode can be either a cathode or an anode depending whether a 

reduction or an oxidation takes place. The electrode material typically includes noble 

metals (e.g. Au, Pt), carbon (such as glassy carbon, carbon paste or nanotubes), liquid 

metals (mercury (Hg)) or doped semiconductors (e.g. Si, GaP). WEs can be chemically 

modified in order to increase their sensitivity toward specific species (e.g. chemical 

sensors) or to decrease the potential required to drive a particular reaction (e.g. catalyst). 

The WE can be designed at different geometrical shapes including, a hanging drop 

electrode, a disk or a wire electrode depending on the electrochemical technique 

employed or the specific application. 

2.3.2.2 Reference Electrode (RE) 

Reference electrodes, as their name suggests, are employed to provide a stable and 

reproducible reference potential against which WE potential can be monitored. The 

stability and reproducibility of the potential should be maintained over time at ambient 

temperature, and not altered by perturbations of the measuring system such as passage 

of very small current. The most frequently used reference electrodes are saturated 

calomel electrode (SCE) and silver/silver chloride electrode (Ag/AgCl). Types of 

reference electrodes used in this thesis and the preparation of Ag/AgCl electrode are 

described in Chapter 4, Section 4.3.3. 

2.3.2.3 Counter Electrode (CE) 

In a two-electrode configuration system, the passage of large current through the RE 

may induce chemical changes thus cause it to lose its ideal non-polarizable property, 

hence a three-electrode configuration if often used. The third electrode, a counter 

electrode (CE), is employed as a current sink to avoid the passage of high currents 

through the RE electrode. The CE serves to pass the same current as the induced current 

flowing through the WE. Accordingly, the potentiostat drives the CE to the voltage 

required to pass this current.  

The CE is usually chosen to be an inert material with a large area. In electrolysis 

applications of high current densities, the CE is often separated from the WE 
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compartment by a glass frit to avoid the interferences of the products from CE with the 

products of interest at WE. 

2.3.3 Electrolyte solutions 

One of the most important properties a medium in electrochemistry must have is the 

ability to support the current flow. The electrolyte provides a medium for ions to flow 

near the electrodes to maintain a charge balance. Conductivity is, thus, the ability of a 

solution to support current flow by the motion of charged particles upon applying an 

electrical field. The conductivity (Ω
-1

cm
-1

, or Siemens cm
-1

) of an electrolyte phase of 

uniform section of area A, resistance R, and length L is given by: 

  
 

 
      

Eq. 2.13 

Electrolytes of aqueous or non-aqueous (aprotic) nature are generally used in 

electrochemical systems. An electrolyte solution consists of a solvent and a supporting 

electrolyte (e.g. salt), the solvent should be electrochemically inert over a wide potential 

range. The supporting electrolytes are usually used to suppress migration effects (see 

the migration section), maintain a constant ionic strength (see ionic activity section), 

and minimize the resistance across the solution. The choice of the electrolyte usually 

depends on several factors such as the solubility and the redox nature of the analyte. The 

removal of dissolved molecular oxygen from the electrolyte is critical particularly for 

the reduction reactions, since the reduction of the oxygen often results in current arising 

which causes interferences in the measurements of the cathodic current. The 

electrochemical reduction of oxygen proceeds via a two-step mechanism (Reactions 2.3, 

2.4). The first step involves a two-electron, proton coupled reaction occurring at ~-0.1V 

vs. SCE, leading to the production of hydrogen peroxide. The second step involves the 

reduction of hydrogen peroxide to form water at -0.9V vs. saturated calomel electrode 

(SCE). 

 

                 Reaction 2.3 

 

                    Reaction 2.4 

 

Furthermore, the products resulting from these reactions may affect the chemical 

processes under investigation. It is, therefore, prudent to remove dissolved oxygen from 
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the electrochemical cell. The most common approach is to purge the cell with an inert 

gas such as nitrogen or argon. 

2.4 Mass Transfer 

The movement of a material arises due to the difference of electrical or chemical 

potential between two locations in solution. The reactants must be transported from the 

bulk solution to the electrode surface for a reaction to take place. Mass transfer (Figure 

2.4) plays a critical role in the electrochemical dynamics of a system (Compton Richard 

G 2010). Since, the rate of a reaction is determined by the rate at which the material is 

brought (from or to) the electrode surface (e.g. mass transfer) or by the electron transfer 

at the electrode. Three main mass transfer modes are reviewed in Figure 2.4. 

 

Figure 2.4 Schematic diagram of mass transfer modes at an electrode surface (Compton 

Richard G 2010) 

2.4.1 Migration 

The electromigration is defined as the movement of charged species under the influence 

of an electric field (Zoski 2007)(Compton Richard G 2010). In such an external field, 

for instance, positively charged species move toward the cathode. The migration of 
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electroactive species can be quantified by the transport number, ti, of ions i relative to 

ions j both present in a given solution: 

   
        

         
 
   

  
Eq. 2.14 

where, z, u, and c are the charge, the mobility, and the concentration of species i and j 

respectively. The mobility of species ,i, is written as: 

   
       

  
 

Eq. 2.15 

The transport number is proportional to the ratio of the mobilities of ions i and j as 

illustrated in Eq. 2.14. The Faradaic current flowing through a system consists of 

diffusion currents, id, and migtration currents, im,  reflecting the diffusive and 

migrational components to the electroactive species flux at the surface (Zoski 2007): 

          Eq. 2.16 

The interplay of the migration and electrolysis of a given reaction often results in a 

complex physical transport processes. A charge transfer occurring at the electrode 

surface alters the electrical potential and the electric field of the electrode, affecting the 

surface concentration of the species. Consequently, the migration flux and the mass 

transport of the electroactive species are altered. Such variations can make the 

experimental results difficult to interpret. Therefore, it is necessary to eliminate the 

migration effects by the introduction of a high concentration of inert electrolyte. The 

high concentration of the electrolyte ions contributes to reducing the double charged 

layer such that the electroneutrality is maintained through the interfacial region since 

                  . The excess of these ions prevents the electrical field build up 

as the reaction proceeds.  

2.4.2 Diffusion 

Diffusion is a spontaneous process driven by entropy whereby random species motion 

takes place to reach homogenization. Species move via a chemical potential gradient 

(i.e. concentration gradient). A diffusive flux at a given point   and time   of species   

is dependent on the concentration gradient as described by 1
st
 Fick’s law: 

           

        

  
 

Eq. 2.17 
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Where,          is the molar flux in mol cm
-2

 s
-1

,    is the diffusion coefficient of 

species   to the electrode in cm
-2

 s
-1

, and 
        

  
 is the concentration gradient at point 

 . Since it is important to know how the concentration gradient at point   varies with 

time, Fick has derived his second law:  

        

  
   

         

   
 

Eq. 2.18 

This equation represents a simple linear diffusion for a planar electrode. In general, 

most practical and theoretical work on cyclic voltammetry is based on the use of 

macroscopic electrode disks. For such electrode geometry, a planar diffusion dominates. 

However, if the electrode size is reduced to a micro-disk, the diffusion layer thickness 

becomes comparable to the electrode radius, thus the diffusion becomes non-planar. 

Reducing the electrode size increases the mass flux and hence the current density as 

illustrated in Figure 2.5. In this case when a radial diffusion dominates sigmoidal 

shaped (S-shape) voltametric response is seen, for the same scan rate (Scholz 2010).  

 

 

Figure 2.5 Effect of the electrode geometry on the shape of reversible cyclic 

voltammograms and schematic drawings of the corresponding transition from a planar 

semi-infinite to a spherical diffusion (Compton Richard G 2010) (Scholz 2010).  
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2.4.2.1 Spherical Correction 

The boundary value problem of linear sweep voltammetry at a spherical electrode with 

a radius,   , is addressed in analogue manner as described in Section 2.8.1.1.1.1, the 

resulting current has a spherical correction term               . The current for 

reversible system is written as:  

            
       

             

  
 

Eq. 2.19 

The correction term                was calculated at various scan rates by Nicholson 

and Shain
 
(Nicholson & Shain 1964). The higher the scan speed   the current,         , 

becomes much larger than the spherical correction term, the electrode under these 

conditions can be considered planar. For irreversible redox systems (see irreversible 

system section) the current has a spherical correction factor          and is written as:  

            
      

        

  
 

Eq. 2.20 

 

It is not always practical to use electrode which gives planar diffusion (e.g. disks) in a 

given electrochemical application. Hence, it is important to take in consideration the 

spherical contribution when electrodes of non-planar shape are used. These would give 

rise to high spherical contribution as shown in Figure 2.5. 

2.4.3 Convection 

Convection is defined as the movement of species in solution under the influence of 

some forces. Convection can be described as natural or forced. Natural convection is 

caused by a density gradient or a thermal gradient. The density gradient causes the 

material to flow from a dense region to less dense region. The thermal gradient may 

result from the endo- or exo-thermicity of a given electrochemical process (Compton 

Richard G 2010). The forced convection is the result of external force exerted upon a 

solution usually by mechanical means. In such case, the convection dominates the mass 

transport in a given system. Since, the convection is induced deliberately its 

hydrodynamic behaviour is well defined (e.g. rotating disk voltammetry).  
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The convection of species, O, can be described by Fick’s first law in one dimension 

(Eq. 2.18): 

                     Eq. 2.21 

where, V(x) is the fluid velocity at a point x (cm s
-1

). The relationship between the time, 

t, the position, x, and the concentration of the species is given by: 

   
  

      
   
  

 
Eq. 2.22 

2.5 Electrode – Solution Interface 

2.5.1 Electrical Double Layer 

It is essential to take a close look at the electrode-electrolyte interfacial layer structure, 

which determines many properties of a given system and inevitably affects the kinetics 

of the reactions taking place at this interface. In electrochemical systems, the electrode-

electrolyte layer consists of a build-up of ionic species in the solution for the excess 

charge compensation on the electrode (Compton Richard G 2010). Such layer is made 

up of charged particles of opposite sign to the corresponding electrode.  

 

 

 

Figure 2.6 Schematic diagram of an electric double layer between an electrolyte and a 

cathode (metal).Where x is the distance between the two. IHP is inner Helmolotz plane 

and OHP is outer Helmholtz plane (Zoski 2007).  
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Figure 2.6 illustrates the structure of the double charged layer which consists of several 

distinct regions. The inner-layer, the closest to the electrode at a distance (x), is known 

as the inner Helmholtz plane (IHP). The IHP contains adsorbed solvent molecules and 

specifically adsorbed (partly solvated) ions. The closest distance (a) a solvated ion can 

get to the electrode surface represents the edge of the second layer known as the outer 

Helmholtz plane (OHP). The solvated ions are non-specifically adsorbed and are 

attracted to the surface by coulombic forces. The outer layer which is beyond the OHP 

is a three-dimensional region of scattered molecules, and is called the diffuse layer; this 

layer extends from the OHP to the bulk solution. Such distribution of the ions in this 

layer is determined by both the electric field which imposes the counterbalance and the 

random thermal motion (Wang 2006) (P.H. Rieger 1994). The electrostatic forces 

become weaker with the increasing disorder with the distance from the electrode 

surface, while the thermal motion becomes predominant. The potential decays within 

this layer, that is, from the electrode surface to the randomly distributed solvated 

molecules. Therefore, the potential,  , at any point of the within the double layer can be 

described by: 

  
 

    
        Eq. 2.23 

Where  ,   ,   are charge density at the electrode surface, permittivity, and dielectric 

constant respectively. The constant     or identified as, δ, represents the thickness of 

the diffuse layer. x and a represent the distance from the electrode and the position of 

OHP. When x approaches a such that OHP,        ; under these conditions the 

potential,  , is designated as,   , known as ‘zeta-potential’ equation 2.23 becomes:  

 

   
 

    
   Eq. 2.24 

There are effectively two components which describe the potential drop across the 

interface;    across the diffuse layer and (      across the Helmholtz layer. From 

the point of view of the external electric circuit, the double layer behaves as a capacitor, 

serving to store electric charge. The total capacitance, C, of the double layer is made up 

of inner adsorption layer capacitance, CH, and the diffuse layer capacitance, CD; which 

are connected in series (Compton Richard G 2010): 

 

 

 
 

 

  
 

 

  
 

Eq. 2.25 
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or 

  
    

     
 

Eq. 2.26 

With the capacity,   , of the diffuse layer which is dependent on the electrolyte 

concentration is given by: 

   
 

 
      Eq. 2.27 

For very dilute electrolyte solutions, so that CD<<CH then C~CD and the double layer 

becomes effectively all diffuse (e.g. the diffusive layer can be as thick as 10nm). 

However, when the solutions are very concentrated the diffuse layer becomes more 

compact and its capacity becomes very large (CD>>CH and C~CH), the Helmholz layer 

contribution dominates. For instance, at electrolyte concentrations of >0.1M the 

thickness of the double layer becomes negligible and the potential drop can be treated 

the same as the Helmholz potential (Compton Richard G 2010) (Crow 1994) (P.H. 

Rieger 1994). 

2.5.1.1 Ionic Activity  

The presence of an ion in a given electrolyte is necessarily affected by the surrounding 

species. Electrostatic interaction is usually expected in solutions except at infinite 

dilution, thus the concentration of species is an unsatisfactory parameter if the bulk 

properties of a solution are to be determined. Rather, what is required is a parameter 

related to the species concentration, such as the number of species present which are 

available to take part in a chemical reaction (Bates & Vijh 1973). This number can 

determine the properties or influence the position of equilibrium. Such parameter is 

known as the activity, a, of species, i, given by: 

        Eq. 2.28 

Where    is the activity coefficient and    is the concentration of species i.The 

theoretical model for calculating the activity coefficients is described by the Debye-

Hückel equation (Bates & Vijh 1973): 

 

       
         

      
    

Eq. 2.29 
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where A and B are constant for a particular solvent at a given temperature and pressure. 

The term, a, represents the distance of the closest approach of an ion to another (Figure 

2.7), this term was used previously to describe the OHP layer starting position (Figure 

2.6). I is the ionic strength of the electrolyte given by (Compton Richard G 2010): 

 

  
 

 
     

  
Eq. 2.30 

 

where, zi, the electronic charge and, ci, is the concentration of the electrolyte in mol kg
-1 

 

Figure 2.7 The distance of closest approach, a, for an ion i and an atmosphere ion j, 

and the Debye length, 1/  radius of the ion atmosphere (Bard & Faulkner 2002).
 

In electrochemical studies, the ionic activities for pure solids and liquid solutions are 

considered equal to unity at any temperature. For electrolytes, the activities are also 

taken to be unity at any pressure and temperature for infinite dilution of solute. For non-

standard state the ionic activities are dependent on the pressure and temperature (Bates 

& Vijh 1973). 

2.6 Electrochemical Kinetics  

Kinetics is an essential part of electrochemistry concerned with the study of the rate at 

which an electron, and/or an ion is transferred from the bulk electrolyte to the charged 

double layer or to the electrode and vice versa. Furthermore, kinetics serves to 

understand the electrochemical processes and to determine the reactions mechanism. If 

a unimolecular reaction of species A and B is considered (Reaction 2.5): 
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Reaction 2.5 

The forward the backward reaction rates, kf and kb are written as: 

        Eq. 2.31 

And  

        Eq. 2.32 

Respectively, where the rate constants,    and    have the dimensions of s
-1

. The net 

conversion of A to B is: 

               Eq. 2.33 

At equilibrium, the net conversion of A to B is written as: 

  

  
   

  
  

 
Eq. 2.34 

From a thermodynamic point of view, the equilibrium constant, K, defined earlier by 

Eq. 2.1 represents a zero conversion of A to B. While in kinetics, equilibrium features a 

nonzero rate of the conversion, but maintains a constant ratio of those rates. The rate 

constants are dependent on the temperature (T), the relationship was first described by 

Van’t  Hoff’s equation (Bates & Vijh 1973): 

    

  
 
   

   
 

Eq. 2.35 

 

where    is the standard enthalpy change of internal energy of the system. 

2.6.1 Arrhenius Equation 

Arrhenius has expressed the Van’t Hoff’s relationship of the reaction rate dependence 

on temperature as follows (Zoski 2007)(Bard & Faulkner 2002): 

 

           Eq. 2.36 

 

where EA is the activation energy, the exponential factor indicates the probability to use 

thermal energy to surmount an energy barrier of height EA. The coefficient A is known 

as the frequency factor. The Arrhenius equation related the thermodynamics of a 

reaction to its kinetics (Bard & Faulkner 2002).  
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Figure 2.8 Energy potential variation adopted from Bard and Faulkner (Bard & 

Faulkner 2002) 

The transition state theory (Bard & Faulkner 2002) is used to predict the values of A and 

EA for a specific system in order to determine the factors controlling its reaction rate. 

Figure 2.8 illustrates the energy change along a reaction coordinate. The reaction 

coordinate represents the progress of a given reaction along a complex, favoured path to 

describe the potential energy in the system. The Ef and Eb representing the reactants and 

the products activation energies respectively, occupy minima on the energy surface 

which indicates that both the reactants and the products are energetically stable. As a 

reaction takes place, the coordinates change from those of the reactant passing over a 

maximum, a transition state (or an activated complex) (EA), and then falls in the product 

zone.  

The energy EA is usually denoted as    , so the entalphy    , becomes        . 

The variation of the pressure are negligible in a condensed phase, so that        . 

Thus, the Arrhenus equation is written as: 

       
     Eq. 2.37 

This equation can also be expressed in terms of standard free energy of activation      

as follows: 

        
     Eq. 2.38 
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where A’ equals    
   ,     denotes the standard entropy and R is the molar gas 

constant.  

Eq. 2.38 becomes: 

         
           Eq. 2.39 

Eq. 2.36 can be also presented by introducing kB the Boltsman and h the Plank 

constants, so that the rate constant equation becomes: 

   
   

 
    

     
Eq. 2.40 

Eq. 2.40 is the most frequently used for predicting rate constants by the activated 

complex theory. 

2.7 Butler-Volmer Model of Electrode 

Kinetics  

Butler-Volmer is one of the theories (Bard & Faulkner 2002) used in electrochemical 

kinetics that relates the applied potential to the rate of reactions. If the Reaction 2.6 is 

considered: 

    
  
  

  
    

Reaction 2.6 

and a single electron transfer process is assumed with no preceding or following 

chemical reactions, the standard free energy variation via a reaction coordinate is 

illustrated in Figure 2.9.  
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Figure 2.9 Schematic diagram of Butler-Volmer kinetics: a detailed view of the 

potential effect on free activation energies (Bard & Faulkner 2002)(Wang 2006) 

The electrode kinetics is expressed against a point of significance in the chemical 

system, rather than an arbitrary external reference. The equilibrium potential of the 

system, E, and the standard equilibrium of the redox couple under consideration, E
0
, are 

the two natural points in this instance. Figure 2.9 represents a parabolic profile from 

reactant to products with the transition state showing the effect of the potential change. 

At E=E
0
, the activation energy of the cathode is     

 
 and the activation energy at the 

anode is     
 

 (solid red curves). If the potential changes by the value –nFE relevant to 

the relative electron energy change on the electrode, thus the O+ne curve moves down 

by that amount of energy (dashed line). The barrier for oxidation,    
 
 , becomes less 

than     
 

by fraction of change is 1-α where α is the transfer coefficient, it ranges from 

0 to 1. Thus the variation of the free energy can be described as:  

   
      

           Eq. 2.41 

And  

   
      

       Eq. 2.42 

For oxidation and reduction respectively. If the forward and backward constant rates are 

assumed to have Arrhenius form: 

      
    

     Eq. 2.43 

and 
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     Eq. 2.44 

 

By replacing the free energies (Eq. 2.41 and Eq.2.42) in the Arrhenius equation (Eq. 

2.26), the rates constant for the forward reaction becomes: 

      
     

           Eq. 2.45 

And the backward reaction becomes: 

      
     

              Eq. 2.46 

Where f=FRT. The first two terms in each of these expressions are independent of the 

potential and equal to the rate constant at E=E
0
 then    

     
        

     
    .  

When the interface is in equilibrium with Redox species the concentrations are 

equal   
    

  . In this case, E=E
0
 and     

      
  it implies that there is one rate 

constant named standard rate constant k
0
.  The reaction rates at any other potential other 

than the standard potential are expressed as a function of the standard rate constant, k
0
 

             
   Eq. 2.47 

And  

                
   Eq. 2.48 

To express the total current as function of the standard rate constant and potential. The 

forward and backward reaction rates are written as function of the current and expressed 

as follows: 

             
  

   
 

Eq. 2.49 

and 

             
  
   

 
Eq. 2.50 

where   and    are the anodic and cathodic currents. The overall current becomes: 

                                 Eq. 2.51 

The insertion of these relations into the current expression gives   

                
                  

              Eq. 2.52 
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2.8 Electroanalytical Techniques 

There are several useful techniques in electrochemical measurement. In this thesis, two 

of these methods were used: Cyclic Voltammetry (CV) and Potential Step 

Chronoamperometry (PC). These methods are potential controlled techniques where a 

desired voltage is applied and the resulting current is monitored. 

2.8.1 Cyclic Voltammetry (CV) 

Cyclic voltammetry (CV) is the most widely used electroanalytical technique for 

electrochemical reactions studies. Cyclic voltammetry provides qualitative data for a 

system of interest, including kinetics of heterogeneous electron transfer, 

thermodynamics of a redox process, of coupled chemical reactions, and of adsorption 

processes (Bockris et al. 2001). Quantitative data also can be obtained for a single 

charge transfer reactions (this will be described later in this section). The CV, the 

potential sweep technique, involves the application of a time-dependent potential at a 

stationary working electrode resulting in a triangular potential waveform illustrated in 

Figure 2.10.  

 

Figure 2.10 Triangular cyclic voltammetric form. The slope designate the scan rate 

(V/s)(Bockris et al. 2001) 

A potential is scanned linearly from E1 which usually corresponds to negligible current 

flow at t=0 to a given potential E2. The potential is then swept back to the original value 

E1, the time of the reverse scan represents the switching time. The potential difference 

E2- E1 is usually selected so that it includes the reduction and oxidation of species of 
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interest. If the redox reaction produces other compounds the potential difference in 

extended further to allow their characterisation. The resulting current that flows through 

the working electrode is recorded as function of the potential applied, and a current-

potential plot is constructed, referred to as a voltammogram (Figure 2.11). For a 

reduction reaction, when the scan starts at a potential well positive than E
0
’ (Figure 

2.11), only non-Faradaic current (capacitive current) flow for some time. When the 

potential comes closer to E
0
’ the reduction begins and the Faradaic current starts to 

flow. As the potential moves to more negative values the surface concentration of 

species, O, starts to drop as it is converted to R, thus the flux (and the current) increases. 

When the potential passes, E
0
’, the surface concentration drops nearly to zero, the mass 

transport of O to the surface reaches a maximum then decline as effect of depletion to 

form products. The reduced species, R, follow the same trend as they are re-oxidized 

upon potential reversal scan, resulting in a similar shape of the forward peak, as shown 

in Figure 2.11. 

 

Figure 2.11 A representative cyclic voltammogram  
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2.8.1.1 Theory and Application of Cyclic 

Voltammetry:  

2.8.1.1.1. Reversible and Irreversible Behaviour  

Based on the different electrode kinetics, the electrochemical reactions can be described 

as reversible, quasi-reversible, or irreversible. In general, a system is said to be 

‘reversible’ if the charge transfer is faster than the mass transport. On the other hand, if 

the charge transfer is slower than the mass transport the system is considered 

irreversible. The rate of an electron transfer reaction is measured by the standard 

electrochemical rate constant,   , while the mass transport is measured by the mass 

transport coefficient, mT, which is proportional the diffusion, D, of the species 

throughout the electrolyte and inversely proportional to the diffusion layer thickness, δ:  

 

   
 

 
 

Eq. 2.53 

The diffusion layer thickness, δ, depends on time, t, as δ     and the time is given by 

       , so the mass transport coefficient is given by Eq. 2.54: 

 

    
 

       
 

Eq. 2.54 

 

For a reversible cyclic voltammogram, the standard rate constant,   , is much faster 

than the mass transport coeffient:      . However, if the CV is irreversible the 

standard rate constant is much lower than the mass transport coefficient (     ).  

2.8.1.1.1.1 Nernstian Reversible System 

Reversibility of a given system is determined based on the investigation of different 

parameters (e.g. current and potential correlation with the scan speed). So if a semi-

infinite linear diffusion of a reversible reaction of reactant O to product R at a planar 

electrode is considered, 

       Reaction 2.7 
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Applying Fick’s second law (Eq. 2.19) along with the boundary conditions for species 

  and   (Eq 2.55-2.59): 

        

  
   

         

   
 

Eq. 2.55 

        

  
   

         

   
 

Eq. 2.56 

          
 ,          , Eq. 2.57 

                         Eq. 2.58 

                
 ,                 Eq. 2.59 

 

Then, if the potential is held where no electrode reaction takes place   , the sweep the 

potential linearly at scan rate    (V/s) the potential as a function of time is expressed as: 

           Eq. 2.60 

If the charge transfer at the electrode is assumed very rapid to keep the transfer in 

equilibrium, so that the Nernst equation (Eq. 2.4) applies. Rewriting Nernst equation 

with time-dependent form gives: 

       

       
       

  
  

        
  

 
Eq. 2.61 

 

Using Laplace transform and integration (shown in Appendix A), the peak current    is 

given by 

                         
   

  
      Eq. 2.62 

 

If A is in cm
2
,    in cm

2
/s,   

  in mol/cm
3
, and   in V/s we calculate the second term of 

equation at 25°C we obtain the Randles-Sevčik equation (Bard & Faulkner 2002) 

(Compton Richard G 2010).
 

                      
   

  
      Eq. 2.63 

 

The second characteristic of Nernstian wave is the difference of the peak potential 

  and the half peak potential      represented by the potential at      (Nicholson & 

Shain 1964). 
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         °  

Eq. 2.64 

 

In a fully reversible system, the peak separation of cathodic to anodic peak potentials is 

56.5/n mV (Eq. 2.64). In practical applications, the potential range 60-70mV for a 

system is considered reversible. The peak potential Ep in a reversible process is 

independent of the scan rate as seen in Eq. 2.64, while the peak current, ip, is 

proportional to the scan rate  1/2
, this means the system is diffusion controlled (Eq.2.63).  

Therefore, diagnostics for a system implies that the, ip, is plotted as function of  1/2
 to 

determine if the process is diffusion controlled or adsorption dominated or else. The 

correlation is not always linear as described by theory at non planar electrodes (e.g. 

hemi-spherical electrode). The spherical correction (diffusion section) is very strong at 

slow scan rates where it is independent of the scan rate. At higher scan rates, however, 

the relationship of the current to the square root of the scan rate has a more linear 

profile. 

2.8.1.1.1.2 Nernstian Irreversible System 

A typical irreversible cyclic voltammogram is shown in Figure 2.12c. If we consider the 

irreversible reaction at planar electrode of species   to  : 

    
  
   

Reaction 2.8 

The boundary value problem is similar to the previously described case and the 

equations also apply to this irreversible case. Eq. 2.60, however, is replaced by: 

  

        

  
              

Eq. 2.65 

and the rate constant, kf, is defined by: 

                 
   Eq. 2.66 

 

The numerical solution of the integral equation for the irreversible reaction is obtained 

in a similar manner as described in the Appendix A1; the current   is given by: 

      
   

   
                          Eq. 2.67 
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Similarly the term          was calculated by Nicholson and Shain (Nicholson & 

Shain 1964), it attains a maximum of 0.496. The equation becomes: 

 

                    
   

   
     Eq. 2.68 

 

Eq. 2.73 still reflects the proportionality of the current with the square root of the scan 

rate due to the diffusion controlled process. However, the symmetry coefficient of the 

electron transfer process is included in the equation for irreversible case. If a single 

electron transfer for irreversible system is considered, unlike the reversible case, the 

peak separation is dependent on the scan rate is given by: 

                 
  

  
  

    

 
         °  

Eq. 2.69 

 

The peak potential    is function of the scan rate, it shifts to more negative in reduction 

case by            °  for each ten-fold increase in  .  

 

Figure 2.12 Cyclic voltammogram (a) reversible, (b) quasi-reversible , and (c) 

irreversible system (Zoski 2007) 

A system is considered quasi-reversible (Figure 2.12b) if the reaction show electron-

transfer kinetic limitations. A quasi-reversible system exhibits a reversible behaviour at 

slow scan rate and irreversible at high scan rates.  
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2.8.1.1.2. Voltage Scan Rate and reversibility 

When the potential is swept between E1 and E2 (Figure 2.11) the thickness of the 

diffusion layer, δ, surrounding the electrode increases. The slower the scan rate the 

thicker is the diffusion layer. Conversely, the shorter time taken to sweep the voltage 

the thinner is the diffusion layer. As noted in the previous section, the thickness of the 

diffusion layer controls the mass transfer. Since the competition between the reversible 

and irreversible distinction reflects competition between the electrode kinetics and the 

mass transfer, this means the faster scan rates will encourage greater electrochemical 

irreversibility
 
(Compton Richard G 2010). Consequently, it is not sensible to refer to a 

process as reversible or irreversible since all will tend to be irreversible if the 

voltammetry is taken at sufficiently high scan rates. 

2.8.1.2 Coupled Chemical Reactions  

The electrode reaction pathway can be quite complex, and proceeds in a sequence 

through multiple steps. The rate of such reactions is determined by the rate of the 

slowest step in the sequence (Wang 2006). The simplest reaction involves only mass 

transport of the electroactive species to the electrode surface (E), the electron transfer 

across the interface, and the transport of products back to the bulk solution (Figure 2.4). 

More complex reactions involve additional chemical and surface reactions that precede 

or follow the actual electron transfer. Hence, the current is limited either by the mass 

transport of the reactant or by the rate of the electron transfer. For complicated 

electrochemical processes, kinetic analysis involves the validation of the proposed 

mechanism and the extraction of the kinetic parameters from the experimental data
 

(Zoski 2007).  

For an elementary electrode reaction independent or unaffected by any chemical 

reactions or other processes (e.g. adsorption) can be characterised by specific diagnostic 

criteria. These include the ratio of the anodic peak current to the cathodic peak current 

(  
    

  ), and the peak to peak separation, the evaluation of the anodic to the cathodic 

peak current ratio and the peak cathodic current variation with the square root of the 

scan rate (  
        . The latter two were described in the previous sections. If the ratio 

  
    

  is independent of the scan rate and equals unity, this indicates the absence or the 

unimportance of coupled chemical reactions. 
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The key variable factor determining the mass transfer rate is the scan speed  . 

Therefore, kinetic analysis relies on investigations of dependences of the CVs 

characteristic features on the scan rate. Since these analyses can be complex, depending 

on several factors that affect the process kinetics (e.g. concentration, C, diffusion 

coefficients DO, rate constants k), the factors are represented in dimensionless kinetic 

parameters.  

 

Nicholson and Shain  developed diagnostic criteria for mechanistic characterization of 

multi-step reaction systems (Nicholson & Shain 1964). It consists of a numerical 

method determining the dimensionless kinetic parameters and characteristic 

voltammograms shape which are specific for each mechanism. The main parameters are 

shown in Eq 2.70-2.72: 

         Eq. 2.70 

        Eq. 2.71 

And      

  
  

  
 

Eq. 2.72 

Where F is the Faraday constant, ν is the scan rate, R is the universal gas constant, T 

temperature and K equilibrium constant 

This criteria is valid for first-order (or pseudo first order) preceding CE, following EC, 

or catalytic EC’ chemical reactions. Only the latter two reaction mechanisms are 

considered in this section.  

2.8.1.2.1. ErevCrev Reaction  

In this process, a reversible heterogeneous electron transfer process on the electrode 

surface (Erev) is followed by a reversible homogeneous process (Crev) in the interfacial 

layer (Reaction 2.10).  

 

    
  
  

  
    

    

 

Reaction 2.10 
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The product, R, is generated by the electrochemical process forms non-electroactive 

species A. Three limiting cases exist. First, if the rate of the chemical reaction is fast the 

system will be in equilibrium at all times, the only effect will be the shift in the reversal 

anodic peak wave along the potential axis with large l/a  values. Second, if the chemical 

reaction is very slow (l/a  is small), so that during the experiment no chemical reaction 

takes place; hence the shape of the voltammogram is seen as a normal reversible shape 

at its original potential. The third limiting case is when the kinetic parameters l/a and  

        are large. In this instance, an irreversible curve is seen (Figure 2.13). 

 

 

Figure 2.13 Normalised voltammograms for Erev Crev reaction for different values of 

kinetic parameter psi (           (Nicholson & Shain 1964) 

These limiting cases lead to the peak potential cathodic shift by about 60/n mV for a 

ten-fold increase in ψ  (Figure 2.13). The variation of the peak potential with ψ is a 

useful for characterizing the kinetic parameters from the cathodic scan. For small values 

of ψ, the curves approach reversible behaviour and the potential is independent of this 

parameter.  
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Figure 2.14 Nicholson and Shain criteria for ErevCrev. (a) Ratio of anodic to cathodic 

current as function of kinetic parameters. (b) Variation of the peak potential as function 

of kinetic parameters        and           (Nicholson & Shain 1964) 

While for higher values of ψ, the peak potential shifts cathodically by about 60/n mV 

for 10 folds increase in ψ. For intermediate values of ψ, a curve can be constructed as 

illustrated in Figure 2.14b. Both the position and the peak height of the anodic wave of 

the voltammogram are very sensitive to the kinetic parameter. Nicholson and Shain 

constructed a curve (Figure 2.14a) of current ratio ip (anodic)/ ip (cathodic) as function 

of       .  The ratio approaches unity at slow scan rates and decreases at higher scan 

rates, this shows reversible behaviour in the former and irreversible profile in the latter 

as seen in Figure 2.13. 

2.8.1.2.2. ErevCirrev Reaction  

If the charge transfer is irreversible, the succeeding chemical reaction will have no 

effect on the voltammogram. But if the equilibrium constant K is large (kf>>kb), the 

chemical reaction can be considered irreversible (ErevCirrev): 

 

       

 
  
   

 

Reaction 2.11 

This process is similar to the previous one except that the value kf/a is small and the 

chemical reaction has little effect, so a reversible voltammogram is observed at its 

original potential.  
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Figure 2.15 Normalised voltammograms for Erev Cirrev reaction for different values of 

kf/a (Nicholson & Shain 1964). 

In ErevCirrev reaction, the potential is independent on kf/a for small values of this 

parameter (Figure 2.15), while for large values, an anodic shift of about 30/n mV is 

observed for a ten-fold increase in kf/a. This case and also that for intermediate values 

of kf/a are included in Figure 2.15.  

 

Figure 2.16 Nicholson and Shain criteria for ErevCirrev.  Ratio of anodic to cathodic 

current as function of the kinetic parameters (Nicholson & Shain 1964). 

Varying the kf/a and the switching potential, Eλ, and for a constant value of the 

parameter kf τ, where τ in the time in seconds from E1/2 to Eλ, the ratio of the cathodic to 

the anodic peak is constant (Figure 2.16) as function of kfτ. In this case, if the half-wave 

potential E1/2 is known, the rate constant can be calculated from the cyclic 

voltammogram curve.  
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2.8.1.2.3. EC’ Catalytic Reaction 

The catalytic mechanism is a special case where the electroactive species are 

regenerated chemically. Analysis of second order reactions is complex, and therefore 

with such a system we consider   
    

 . In this case the concentration of X remains 

constant throughout the experiment and the chemical reaction (Reaction 2.12) can be 

treated as pseudo first order.  

       

   
   
    

 

Reaction  2.12 

 

Typical normalised curves are shown in Figure 2.17 for this case. The ratio of the 

catalytic peak current (ik) to the reversible peak (diffusive) current (id) is plotted as 

function of (kf/a)
1/2

 illustrated in Figure 2.18a. For values of kf/a >1, the plot is 

essentially linear. However, for kf/a<0.06 the peak ratio ik/id changes strongly with kf/a. 

For accurate values of the rate constant at small values of kf/a, a larger scale plot is 

needed (this can be obtained from tabulated data of Nicholson and Shain
 
(Nicholson & 

Shain 1964)). The variation of the peak potential with change of kf/a can also be 

obtained. At lower values of kf/a, the peak potential is independent of the rate of the 

reaction and is constant at 28.5/n mV, while if kf/a increases, the peak potential shifts 

cathodically by about 60/n mV for ten-fold increase in kf/a. In the latter case, the peak 

becomes broader. For kf/a>1 no peak is observed.  



 

43 
 

 

Figure 2.17 Normalised voltammograms to the scan rate for EC’ catalytic reaction 

(Nicholson & Shain 1964) 

Therefore, it is more convenient to correlate the half-peak potentials with kf/a since it 

can be extended to a region where no peak is observed. When kf/a is larger than about 

10, the potential at which the current is equal to half of the limiting current is 

independent of the rate of the reaction and is equal to E1/2 (Figure 2.18b). If the potential 

is selected at least 35/n mV cathodic of the peak potential, the anodic curve is the same 

shape as the cathodic curve, independent of both the switching potential and kf/a. The 

ratio of cathodic current to anodic current is unity, exactly as in the reversible case. At 

kf/a>1 no cathodic peaks or anodic peaks are observed, and on the anodic scan the 

current simply returns to zero at potentials corresponding to the cathodic wave. 
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Figure 2.18 Nicholson and Shain criteria for EC’catalytic. (a) Ratio of kinetic to 

diffusive current as function of kinetic parameters. (b) Variation of the peak potential as 

function of kinetic parameters (Nicholson & Shain 1964). 

Fitting the experimental voltammograms to theoretical curves by digital simulation is a 

necessary step to confirm the mechanism proposed. CV simulations become particularly 

important when surface processes prevail in an electrochemical system or higher 

reactions order (e.g. two-electron processes) are considered. In these cases, the 

Nicholson and Shain diagnostics are not valid. 

2.8.2 Potential Step Chronoamperometry (CA) 

The potential step chronoamperometry is another controlled potential method where this 

latter is fixed potential and the current response is monitored as a function of time. The 

wave-shape and the current-time curve of a potential step chronoamperometry are 

depicted in Figure 2.19a and Figure 2.19b, respectively. If the electrolysis of O initially 

present in the bulk solution precedes via a reaction at an electrode area A with a linear 

diffusion profile,       , is held at a potential E1 where no electrolysis occurs 

(Figure 2.19a). The current is given at any time by, Eq. 2.73: 

       
  

  
  
     

Eq. 2.73 

At time t=0 the potential is stepped to E2 value at which the electrolysis of the 

electroactive species, O, takes place. The response is observed as current drop as 

function of time.  
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The current is detected with large values initially. Since there has been little time before 

any depletion of the electroactive species, the concentration of these species,   
 , shortly 

after the applied potential step is very high. Hence, this explains the large values of the 

current seen at the beginning of the electrolysis. As the depletion takes place the 

thickness of the diffusion layer,   , increases and causes the current to drop during 

electrolysis (Figure 2.19). 

 

Figure 2.19 Schematic representation of chronoamperometry (a)Potential variation as 

function of time, (b) current variation as function of time. 

2.8.3 Gas Chromatography (GC) 

Chromatography is a widely used analytical technique for the separation of chemical 

compounds. It is based on differences in partitioning behaviour between a mobile phase 

and a stationary phase to separate chemical components in a mixture. In a gas 

chromatograph, the sample to be analysed is initially injected, where is vaporised in the 

instrument inlet, then is carried by an inert gas, commonly helium or argon, that acts as 

carrier (mobile phase). The sample components are carried through a fused silica tube 

packed with a finely divided solid or coated with a film of a liquid (stationary phase). 

The components move at velocities that are influenced by the degree of interaction of 

each constituent with the stationary non-volatile phase. The compounds having the 

higher interaction with the stationary phase are retained to a greater extent and 

consequently separate from those with smaller interaction. As the components elute 

from the column they are quantified by a detector (Fowlis 1995). 
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Being a simple, sensitive, and effective in separating components of mixtures, gas 

chromatography is one of the most important tools in various application including: 

chemical industry, environmental laboratories, forensic science, and pharmaceutical 

industries among others. It is used for quantitative and qualitative analysis of mixtures, 

for purity assessment of compounds such as water, food and drugs among other 

compounds. Gas chromatography is equally important in research laboratories for 

analysis of chemical products content from synthesis, biosynthesis or electrolysis. 

(Hübschmann 2009)  

2.8.4 Mass Spectrometry (MS) 

Mass spectrometry characteristics have raised it to distinguishable position among other 

analytical techniques: unequalled sensitivity, speed, detection limits and diversity of 

applications. Substances analysed by MS are identified based on their atomic sample 

composition of the molecules and their charge state (Edmond de Hoffmann 2007). As 

such, the analysis of unknown samples is possible since the MS does not require 

detailed pre-knowledge about a given sample composition.  

 

Table 2.1 Cation fragments of methanol (CH3OH) detected in MS system 

Ions m/z 

     
   32 

        31 

      29 

   
  15 

 

 

A mass spectrometer creates a gas phase ions of compounds by electron ionisation. 

Energy imparted by the electron impact and, more importantly, instability in a 

molecular ion can cause that ion to break into smaller fragments. The molecular ion 

subsequently undergoes fragmentation. The produced ion fragments are then separated 

in the mass spectrometer by their mass-to-size ratio and are detected in proportion to 

their abundance. For instance, methanol (CH3OH) ion fragments into cation radicals 

(Table 2.1) with their corresponding abundance Figure 2.20. 
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Figure 2.20 Characteristic methanol (CH3OH) cations mass spectrum 

This section will outline the method development of the high resolution GC separation 

technique coupled to the powerful MS detection method. 

2.8.4.1 Selected Ion Monitoring (SIM) 

Conventional GCMS employs mass scanning that covers the molecular weight range of 

the compounds targeted. The mass range starts at the smallest fragmentation to the 

highest molecular weight of any compound detected. The full mass scan is estimated to 

be approximately 1/6
th

 of the retention time width of any chromatographic peak. The 

scan time is ca. 300 ms (0.3 s) and is selected based on the number of full mass scans of 

intrest for each chromatographic peak, which is a function of the peak width. This 

scanning type typically averages six mass spectra over the width of the peak to give full 

mass spectra of the compound peak. The sensitivity of the scan to any ion can be 

increased by using the scan time for fewer ions. In selected ion monitoring (SIM) mode, 

individual compound sensitivity may be increased to 10-100 times if fewer ions are 

selected for scanning. The sensitivity degrades as the number of ions selected for 

scanning is increased (Low et al. 1985). 

The selection of ions in GCMS-SIM is based on the most abundant fragment ions in a 

given compound spectrum. For instance, ion 31 is the most abundant for methanol 

(CH3OH) (Table 2.1), this ion could be used for estimation of the alcohol amounts. This 

technique minimise interferences and enhance detection limits of small amounts of 
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targeted compounds. However, it frequently provides limited qualitative information 

since the mass spectrum of the target compound is not produced. This limitation 

becomes secondary if the method aim is the enhancement of the sensitivity in detection 

which provides more accurate quantification of the analyte to be analysed as is the case 

in this project (Klicic et al. 2002). 

2.8.5 Headspace Gas Chromatography (HSGC) 

Headspace gas chromatography (HSGC) is the most preferred technique for the analysis 

of volatiles and semi-volatile organics in liquid samples such as low molecular weight 

alcohols. HS is based on partitioning behaviour of a substance between the gas and the 

liquid phase, that contain solute i and a solvent j, Henry’s constant, Hij, defined  at 

infinite dilution conditions, as: 

       
    

  
  

 
Eq. 2. 74 

 

Where fi is the fugacity of component i and xi is its mole fraction in liquid phase. The 

primary advantage of HS analysis over direct injection is minimised contamination of 

the injector and the column with the solvent and other non-volatile substances in the 

sample to be analysed (Portari et al. 2007). In the HS analysis, the compound is forced 

into the headspace above a liquid sample in a sealed vial. This is done by heating the 

vial at typically 40ºC to 60ºC. The portioning behaviour is often reported in terms of 

dimensionless Henry’s constant or partition coefficient. This is defined as: 

    
  

  
 

Eq. 2. 75 

 

where     is the dimensionless Henry’s constant (    ) or gas/liquid partition 

coefficient, Cg the gas phase concentration and Cl the liquid phase concentration of the 

species of interest (Teja et al. 2001) (Gupta et al. 2000). 

2.8.6 GCMS Analysis Method  

The accuracy in the identification and quantification of compounds is crucial in GCMS 

analysis. The assessment criteria of an accurate method include the test the reliability, 

reproducibility and capabilities of the method. In most regulatory authorities’ 

specifications including International Union of Pure and Applied Chemistry (IUPAC), 
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International Conference on Harmonisation (ICH) and European Pharmacopoeia (EP), 

the following quantities are typically determined (Shrivastava & Gupta 2011): 

2.8.6.1 Specificity 

Specificity describes how well a method discriminates target analytes from potential 

interferences. The investigation of specificity is usually conducted during the 

identification of the compounds and the determination of impurities. For 

chromatographic procedures, some typical chromatograms should be used to 

demonstrate specificity. The individual components should be appropriately labelled. 

(ICH CH et al. 1996). 

2.8.6.2 Repeatability 

The repeatability is the measure of the variation of results between consecutive analyses 

carried on the same chromatograph by the same operator working in constant 

conditions. Repeatability should be assessed by: a) a minimum of 9 determinations 

covering the specified range for the procedure (e.g. three concentrations at three 

replicates each) or b) a minimum of six determinations. (ICH CH et al. 1996)  

2.8.6.3 Reproducibility  

Reproducibility of a method measures the closeness of the results produced on different 

instruments by different operators. This quantity is usually important when the 

standardization of an analytical procedure is required in order to transfer it between 

laboratories. Since the method described in next sections is only intended for this work, 

the reproducibility of this method was not rigorously tested, although good repeatability 

was achieved between results produced by two operators at the same conditions. 

2.8.6.4 Precision  

Precision expresses how tightly replicate results match each other; usually includes 

repeatability and reproducibility. An intermediate precision is reflected if measurements 

performed by different operators in the same laboratory on the same instrument but and 

over extended time frame.  
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2.8.6.5 Limit of Detection (LOD) 

The limit of detection (LOD) is defined as the lowest measureable peak response of an 

analyte that is detected above typical system noise under the analysis conditions (ICH 

Expert Working Group 1996). Noise can be chemical or electronic in origin, but usually 

the focus is on the higher frequency noise when estimating the LOD.   

 

The most common approach for determining the LOD is based on signal-to-noise ratio 

(S/N). This is performed by measuring the ratio of peak-to-peak noise around the 

analyte retention time, and the analyte peak signal. The noise magnitude is either 

estimated manually on a chromatogram printout, by the auto-integrator of the 

instrument or any other integration software. A reliable approach in determining the 

signal-to-noise, a S/N ratio of 3:1 or 2:1 is generally considered acceptable for 

estimating the detection limit as depicted in Figure 2.21 (ICH Expert Working Group 

1996) (Shrivastava & Gupta 2011). The signal-to-noise ratio is calculated using the 

following equation:   

         Eq. 2. 76 

 

where h is the peak-to-peak background noise in a chromatogram obtained at half-

height of the peak in the chromatogram obtained, and H is the height of the analyte 

peak, in the chromatogram obtained, and measured from the maximum of the peak to 

the extrapolated baseline of the signal observed over a distance equal to 20 times the 

width at half-height h. It is important that the system is free from significant baseline 

drift or shift during the estimation of LOD. 

 

Figure 2.21 Signal-to-noise examples of (a) 10:1 and (b) 3:1 (Shrivastava & Gupta 

2011) 
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2.8.6.6 Limit of Quantification (LOQ)  

The LOQ is the lowest analyte concentration that can be identified and quantified with 

acceptable precision and accuracy, in real samples, under the analysis conditions. The 

quantification can be performed based on S/N approach described in determination of 

LOD Section 2.8.6.6. A signal-to-noise ratio of 10:1 is considered acceptable for 

estimating the LOQ (Figure 2.21). 

2.8.6.7 Linearity or Calibration 

The concentration range over which the target analyte can be quantified should be 

determined. The lower range limit should be determined by a standard sample in the 

range of LOQ. On the other hand, the highest range limit depends on the application and 

the analyst should be able to determine initially the maximum concentration needed for 

the calibration procedure. 

Linearity is established by confirming that the analytical procedure provides an acceptable 

degree of repeatability and precision when applied to samples containing amounts of 

analyte within or at the extremes of the specified range of the analytical procedure. It is 

evaluated by the correlation coefficient of a plot of response signals as function of 

standards samples concentration ‘calibration graph’. 

The concentration of the analyte of interest is then determined from the calibration 

graph by extrapolation. To obtain a valid comparison for the unknown analyte response 

to that of the known standard samples, the data must be acquired and processed under 

identical conditions across the range of the analytical procedure. For the establishment 

of linearity, a minimum of five concentrations is recommended.  
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Chapter 3 Overview of the Recent 

Literature 

The aim of this Chapter is to provide a context for the present work, which involves the 

pyridine (C5H5N)/pyridinium assisted reduction of CO2 to methanol (CH3OH) at 

platinum (Pt) electrodes. This electrochemical system was originally reported by 

Bocarsly and co-workers. This Chapter reviews the major recent studies of the 

electrochemical CO2 reduction to various products with a focus on methanol (CH3OH) 

formation on different metals/materials and conditions. The first part outlines the 

thermodynamic challenge of CO2 activation and the benefit the electrochemical route 

can bring in terms of tuning the energy input to drive such reaction. Next, a review is 

presented of the direct CO2 reduction at metal electrodes with a catalytic activity toward 

the formation of products such as carbon monoxide (CO), formate (HCOO
-
) and formic 

acid (HCOOH). Mechanisms for the CO2 reduction mechanism on platinum are 

reported. CO2 reduced methanol (CH3OH) is also reviewed with a focus on the reported 

Faradaic efficiencies. A detailed report on the pyridinium history as a catalyst for CO2 

reduction to methanol (CH3OH) follows. Finally, in view of the importance of the 

catalyst role in the present study, the early work on the reduction of pyridine (C5H5N) 

and derivatives on metals is presented. 

3.1 Electrochemical CO2 Reduction 

Systems for the electrochemical reduction of CO2 involve the use of active metal or 

material electrodes capable of converting electrical energy (from a renewable source) to 

the reduced form of CO2. The chemical reactivity of CO2 is low due to the 

thermodynamic stability of the molecule being the highest oxidised form of carbon, 

with a large standard Gibbs free energy of formation (ΔG
0
 = -349.67 kJ/mol) (Green, 

D.W .; Perry).  Therefore, the activation process of CO2 requires high energy input. The 

formation energies of the most common CO2 reduced products together with the 

standard and equilibrium potentials (pH 7) are summarized in Table 3.1 (E
0
 and Eeq at 

pH 7 in aqueous solution versus standard hydrogen electrode (SHE), 25°C, 1 atm for 

gases and 1M for solute) (Qiao et al. 2014) (Augustynski et al. 1996).  
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Table 3.1 Reduction potential and formation energy for various CO2 reduced products 

(Aresta 2003, p. 279) 

Reaction E
0 

V vs. SHE 

Eeq 

V vs. SHE 

(pH7) 

ΔG
0 

kJ/mol 

        
    0 -0.42 0 

             
        -0.103 -0.52 +20 

            
       -0.199 -0.61 +38 

            
          -0.028 -0.45 +10 

            
           +0.031 -0.38 -18 

            
          +0.169 -0.25 -130 

The Gibbs energy was calculated using the half standard potential equation:    
      , where n is the number of electrons involved in the reaction and F is the 

Faraday number (96484.6C/mol). 
 

Among the reactions involving CO2 reduction (Table 3.1), methanol (CH3OH) and 

methane formation reactions are exothermic. At first glance, they may seem to be 

spontaneous reactions. Yet, the formation of these fuel products is believed to proceed 

through 2e
-
 (CO) and 4e

-
 (formic acid) reductions (Hori 2008). It is clear that the 

production of these precursor compounds (Table 3.1) involves reactions with a positive 

free energy of formation (ΔG
0
 >0), and thus are not thermodynamically favoured 

(endothermic reactions) (Smith 2010).  In addition, from an electrochemical 

perspective, the equilibrium potentials of the CO2 reduced products (pH 7) are not very 

positive as compared with the hydrogen (H2) reduction equilibrium potential as seen in 

Table 3.1. Thus, the hydrogen evolution reaction (HER) often competes with the CO2 

reduction (Hori 2008). 

 

Moreover, it is important to note that the ΔG
0
 values represented in Table 3.1 involve 

the use of hydrogen which is supplied by an external source or via a water splitting 

reaction. So if the total formation energy involving the reduction of CO2 and the water 

splitting is considered; the production of methanol (CH3OH), for instance, at standard 

conditions, simultaneously with the water oxidation, requires the net breaking of C=O 

bonds and O-H bonds and the net formation of O=O and C-H bonds. This requires a 

total of +730kJ/mol CO2, which is equivalent to -1.26V vs. SHE over a 6 electron 

process.  
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Table 3.2 shows the energy stored or potential required for the CO2 reduced products 

presented in Table3.1 simultaneously with the hydrogen formation from water splitting.  

 

Table 3.2 Reduction potential and energy stored per mole of CO2 for various products 

and water reduction processes. 

Reaction E
0 

V vs. SHE 

ΔG
0 

kJ/mol 

    
    

 

 
   

-1.23 +237 

    
    

 

 
   

-1.33 +256 

        
       

 

 
   

-1.43 +276 

        
         -1.25 +482 

         
       

 

 
   

-1.26 +730 

         
         -1.40 +1080 

 

Given that, the CO2 reduction combined with the hydrogen generation is energetically 

an uphill process (Table 3.2), the thermodynamically unfavourable reactions cannot be 

easily driven chemically at ambient conditions (Jessop et al. 1994).  On the other hand, 

the electrochemical techniques are unique in that the energy input can be controlled by 

an applied electrode potential, thus driving otherwise thermodynamically unfavourable 

reactions. The standard potential of reaction, E
0
, determines the thermodynamic lower 

bound for the applied potential required to form equal concentrations of products and 

reactants at equilibrium. In order to drive an unfavourable reaction to products 

formation at a given rate, additional energy is required beyond the standard free energy 

known as ‘overpotentials’. The energy supplied above the standard potential, E
0
, offers 

control over the product selectivity and production rate, which are important for both 

energy storage and industrial process implementation (Ganesh 2011), as well as 

overcoming the activation barrier for a given reaction.  

The product selectivity and production rate are important parameters in the 

electrochemical CO2 reduction. These are measured by the Faradaic efficiency (FE) of a 

system. The FE of a given electrochemically generated product is the ratio of the actual 
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and the theoretical amounts of a product formed within the same electrolysis time, 

based on the number of coulombs passed. 

                       Eq. 3.1 

Where  

                    Eq. 3.2 

 

       Eq. 3.1 

And  

Where Qred (in coulombs, C) is the charge involved in the electroreduction of CO2 to 

form a particular product, Qt (in coulombs, C) is the total (measured) charge passed 

through the electrolysis cell, nmoles (in moles) is the number of moles of organic 

molecule produced, ne is the number of electrons required for the reduction of CO2 to 

form a product, F is the Faraday constant (96484.6 C mol
-1

), I (in amperes, A) is the 

electrolysis current and t (in seconds, s) is the time of electrolysis. 

To summarise, an efficient electrochemical system should have:  

 High selectivity and Faradaic yield or efficiency toward a chosen product 

 Minimum energy input (or low overpotential) 

 Current density high enough to ensure commercial application 

3.1.1 Direct Electrochemical CO2 Reduction  

Fundamental studies of the electrochemical reduction of CO2 started as early as the 19
th

 

century, and have been further promoted in recent years. In the last two decades, 

numerous reports on direct CO2 reduction have been published at various metal 

electrodes in aqueous electrolytes. The use of aqueous electrolytes represents an 

attractive option as water is seen as a non-expensive proton source (Hori 2008).  

Furthermore, electrochemical reduction of CO2 in aqueous media is much more 

economic than in organic solvents. However, HER usually competes with CO2 

reduction. Table 3.3 summarizes the CO2 reduction products at various metal electrodes 

at ambient pressure and 30 bar of CO2 adopted from Hori (Hori 2008) presented in the 

next section. 
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3.1.1.1 Reduction of CO2 on Metals and Other 

Material Electrodes to CO, HCOO
-
 and HCOOH 

One of the first applications of electrochemical reactions yielding chemical products 

was the reduction of CO2 in aqueous sodium bicarbonate to HCOOH (Beck et al. 2010).  

Since then, the electrochemical reduction of carbon dioxide has been directed toward 

the study of the effect of the electrode materials and the electrolyte media on the nature 

of the products (Hori 2008). The electrode material in the direct reduction plays a 

catalytic role to electrochemically reduce CO2; the product selectivity of CO2 

electroreduction depends on the electroactivity of a particular electrode material and the 

nature of the electrolyte used in the reduction process (Sánchez-Sánchez et al. 2001) 

(Jitaru et al. 1997). The products seen most often for metal electrodes are CO, formate 

and formic acid (Hori 2008). 

Reduction of CO2 at metal surfaces has generally occurred at high overpotentials, often 

with large competing hydrogen evolution rates especially in aqueous solutions. 

Therefore, many studies were carried out in aqueous solutions at metal electrodes with 

high hydrogen overvoltage such as mercury (Hg) and lead electrodes. One of the 

successful CO2 reductions was reported by Eyring, where formate was produced with 

100% Faradaic efficiency on a mercury (Hg) electrode (Beck et al. 2010). Later, 

transition metals were extensively studied as electrode materials. CO2 reduction was 

studied at Zn, Sn, In, Cd, and Pd electrodes in hydrogen carbonate electrolytes with 

various alkali metal cations. Ito et al have reported the exclusive production of formic 

acid on these metal electrodes. The highest Faradaic efficiency (92%) was achieved at 

3.9mA cm
-2

 at around -1.4V vs. SHE in 0.2M LiHCO3 at In electrode. Hori and co-

workers reported the reduction at 5 mA/ cm
2
 in aqueous KHCO3, CO, CH4, formic acid 

and hydrocarbons at ambient temperature and pressure. This group performed full 

chemical analysis and studied the Faradaic balance; the product selectivity was found to 

be dependent on the electrode metal (Hori et al. 1985).  

Transition metals for CO2 reduction fall into two groups, illustrated in Table 3.3 (Hori 

2008) for the electrolyses performed at a current density of 5 mA/cm
2
 and at ambient 

pressure. The first group (Au, Ag, Zn, Pd, and Ga) are those metals that form CO as the 

major product at generally relatively low overpotentials (ca. -1.2V to -1.5V vs. SHE).  
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Table 3.3 Metal electrode reductions of CO2 in aqueous electrolyte, grouped by 

reduction product (Adapted from Hori, et al). 

Electrode  

Material 

Product Potential 

(V) vs. 

SHE 

Current 

density 

(mA/cm
2
) 

Faradaic 

efficiency 

(%) 

Other products 

CO as the main product 

Au 

Ag 

Zn 

Pd 

Ga 

CO 

CO 

CO, HCOO
- 

CO 

CO 

-1.14 

-1.37 

-1.54 

-1.20 

-1.24 

5.0/1.0a 

5.0 

5.0 

5.0 

5.0 

87.1/93.4a 

81.5 

79.4,6.1 

28.3 

23.2 

HCOOH(0.7), H2 

HCOOH(0.8), H2 

H2 

H2,CH4, HCOO
-
 

H2 

HCOO
- 
as the main product 

Hg 

Pb 

Tl 

In 

Sn 

Cd 

Bi 

HCOO
- 

HCOO
- 

HCOO
- 

HCOO
- 

HCOO
-
, CO

 

HCOO
-
, CO 

HCOO
- 

-1.51 

-1.63 

-1.60 

-1.55 

-1.48 

-1.63 

-1.56 

0.5 

5.0 

5.0 

5.0 

5.0 

5.0 

1.2 

99.5 

97.4 

95.1 

94.9 

88.4,7.1 

78.4,13.9 

77.0 

H2 

H2 

H2 

H2, CO 

H2 

H2, CH4 

H2 

Electrochemical reduction of CO2 under pressure of 30 bar 

HCOOH as the main product 

Pb 

Sn 

In
 

Bi 

Cu 

Pt 

Pd 

W 

Fe 

Co 

Mo 

HCOOH 

HCOOH 

HCOOH 

HCOOH 

HCOOH 

HCOOH 

HCOOH 

HCOOH 

HCOOH 

HCOOH,CO 

HCOOH 

-1.35 

-1.39 

-1.55 

-1.42 

-1.64 

-1.48 

-1.76 

-1.61 

-1.63 

-1.54 

-1.34 

163 

163 

200 

150 

163 

163 

500 

163 

163 

163 

163 

95.5 

92.3 

90.1 

82.7 

53.7 

50.4 

44.0 

31.9 

28.6 

21.9,15.8 

6.5 

H2,CH4,C2H6 

H2,CO, CH4 

H2,CO, CH4 

H2,CO, CH4 

H2,CO, CH4, H2,C2H6 

H2,CO, CH4 

H2,CH4 

H2,CO 

H2,CO, CH4 

H2,CH4 

H2,CH4 

CO as the main product 

Au 

Ag 

Rh 

Zn 

Pd 

C 

Ni 

Cr 

CO 

CO 

CO 

CO,HCOOH 

CO,HCOOH 

CO,HCOOH 

CO,HCCOH 

CO 

-1.30 

-1.48 

-1.41 

-1.70 

-1.56 

-1.68 

-1.59 

-1.49 

163 

163 

163 

163 

163 

50 

163 

163 

64.7 

75.6 

61.0 

48.7,40.5 

46.1,35.6 

44.0,30.2 

33.5,31.3 

11.8 

H2,HCOOH(12%)CH4 

H2,HCOOH(17%), 

CH4 

H2,HCOOH, H2,CH4 

H2,CH4 

H2,CH4 

H2,CH4 

HCOOH, CH4 

 

Au and Ag proved to be very good catalysts toward CO selective production with 

Faradaic efficiencies of 87-93.4% and 81.5%, respectively (Table 3.3), followed by Zn 

which produced CO at a Faradaic yield of 79.4% and formate at 6.1%.Pd and Ga also 

produce CO with Faradaic efficiencies of 28.3% and 23.2%, respectively. The second 

group of metals are those that form formate, generally at higher overpotentials 
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including: Pb, Hg, In, Sn, Cd, Ti and Bi which form formate ions as the main product at 

higher overpotentials with Faradaic efficiencies ranging between 77-99.5%. 

Other workers also achieved high Faradaic yields of formate formation by reducing CO2 

on Cu and Zn cathodes.  Udupa et al reduced CO2 to formic acid with Faradaic 

efficiency of 81% and a maximum concentration of 200 g l
-1

 at a cell potential of -3.5V 

and a current density of 20mA cm
-2

. The reduction was achieved on a rotating 

amalgamated Cu cathode in 10% sodium sulphate with CO2 separated by a cation-

exchange membrane from a lead electrode in the anodic compartment (Udupa et al. 

1971).  Using Zn amalgam electrodes Coehn and Jahn were able to reduce aqueous CO2 

with 89% Faradaic yield of formic acid (Vassiliev et al. 1985). Ehrenfield, however, 

enhanced the Faradaic yield further to 95% using the same electrode in ammonium 

carbonate electrolyte (Vassiliev et al. 1985). Another highly efficient CO2 reduction by 

Rabinowitsch and Maschoertz who used sodium amalgam cathodes with 2% CO2 

saturated aqueous NaHCO3, at a current density of 16 to 25 mA cm
-2

, the Faradaic yield 

of formic acid reached 86-97% (Vassiliev et al. 1985). The metal group Ni, Fe, Pt, and 

Ti does not give a product from CO2 reduction continuously, due to HER competition 

prevailing at such surfaces.                                                                                                                                                                                   

In addition to the products reported in Table 3.3 other products were also produced such 

as malate, carboxylic acids, and glycolate. Bewick and Greener reported the production 

of malate at Hg electrodes and glycolate at Pb electrodes in high yield in aqueous 

tertaalkyl ammonium solutions (Bewick & Greener 1970); these results were then 

investigated by Kaizer and Heitz but were not reproduced. No formation of oxalic acid 

was seen in aqueous solutions. These authors have shown the reduction of oxalic acid to 

glyoxylic and maleic acids at Ni, Al, Pb and Hg electrodes in the presence of 

quarternary ammonium salts (Noda et al. 1989). On the other hand, some other studies 

confirmed the oxalic acid formation in basic aqueous solutions of 

tertamethylammonium chloride and tertamethylammonium hydroxide at Hg in addition 

to glyoxylic acid and formate (Noda et al. 1989). From these series of experiments in 

aprotic electrolytes and mixtures of aqueous and aprotic electrolytes, it was concluded 

that the activity of Pt and Ni under elevated CO2 pressure proceeds in a similar way to 

the case in aprotic solvents since the solubility of CO2 is enhanced in both cases. 



 

60 
 

In an attempt to enhance the CO2 concentration in the electrolyte and to increase the 

transport rate, the reduction of CO2 was investigated at elevated pressures. Hara et al 

have reported the reduction of CO2 at 30bar at metal electrodes, some of which have 

higher activity at elevated pressures. The metal electrodes are divided into two groups 

forming CO and HCOOH (Table 3.3). The metal electrodes Sn and Bi have the 

preferential formation of formic acid as seen at atmospheric pressure with high FE of 

88.4% and 77%, respectively. These FE increase by 5% and 7% respectively, at 30bar 

with relatively low overpotentials. Pt and Ni did not yield products continuously in CO2 

reduction in aqueous solutions at ambient pressures according to Hori and co-workers. 

At these electrodes, CO is a strongly adsorbed which totally covers these surfaces, 

preventing further reduction of CO2. The adsorption of CO on Pt is discussed in the 

results section. 

The hydrogen evolution reaction, however, is favoured in this case in aqueous solutions 

and ambient pressure. At 30bar of CO2 and current density of 163mA/cm
2
, these 

electrodes can reduce CO2 in aqueous KHCO3 yielding HCOOH at 50% and CO at 33% 

Faradaic efficiencies at Pt and Ni respectively (Hara et al. 1995). Moreover, 

Kedzierzawski and Augustynski achieved 93% of CO Faradaic efficiency at Au 

electrode at -0.95 vs. SHE (Augustynski et al. 1996). Similar FE of 92% for CO 

production were also achieved by Dufek and co-workers at 20 bar and 350mA/cm
2
 

(Dufek et al. 2012). The apparent increase of the catalytic activity is believed to derive 

from the CO2 concentration increase in the electrolyte. Moreover, the enhancement of 

the reduction rate is accompanied by the possibility of controlling the product 

selectivity by elevating the pressure. For instance, a Pd electrode which forms CO at 1 

atm, yields HCOOH at 30 bar and 1mA cm
-2

 in 0.5M KHCO3.  

Hara et al reported the reduction of CO2 on Pt to HCOOH and CO with Faradaic 

efficiencies of 50.4% and 6.1% respectively at 30 bar with a current density of 

163mA/cm
2
. CO was detected as the major reduction product on Ag and Au electrodes, 

even at 30 bar, with FE of 76% and 65% respectively (Hara et al. 1995). These results 

show that the product selectivity of predominant CO formation on these electrodes 

remains unchanged at higher pressure. However, the Faradaic efficiencies for the 

formation of formic acid on Ag and Au cathodes at constant current density of 5 

mA/cm
-2

 and CO2 pressure of 1 bar are very small (e.g. 1.6% and 0.4%, respectively) 

(Hori et al. 1985). Hara and co-worker detected formic acid with 17% and 12% 
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Fraradaic efficiencies at 30 bar on Ag and Au electrodes respectively, indicating the 

favourable formation of formic acid at high pressures. Overall, the reduction of CO2 at 

elevated pressure seems encouraging in terms of increasing the Faradaic efficiencies of 

the products. Therefore, this technique was used in attempts to increase the Faradaic 

efficiencies of methanol (CH3OH) in this thesis. However, the nature of the 

electrochemical interaction of CO2 with metals is not completely clear; some 

mechanistic insights on Pt are reported herein. 

3.1.1.1.1. Mechanistic Aspects of the Direct CO2 Reduction on Pt 

The reduction of CO2 at Pt electrodes has long been studied. Platinum is well known for 

its effective catalytic activity toward HER. This has been rationalized by the low energy 

for both adsorption and desorption of protons and molecular hydrogen through Pt-

hydrogen hydrides on the cathode surface, resulting in low free energy changes and 

facilitating the formation of intermediates. Moreover, Pt cathodes have low kinetic 

barriers for surface hydride formation due to the low barriers for the activation of these 

intermediates (Markovic 2002). Unlike many other materials, Pt preferentially forms 

molecular hydrogen in aqueous solutions rather than carbon-based products. For this 

reason, Hori et al have focused on materials with low HER rates such as Hg, In and Pb 

for CO2 reduction studies at 1bar in order to suppress HER (Hori 2008). 

On the other hand, at elevated pressures of CO2, carbon-based reduction products are 

observed for platinum electrodes as reported earlier (Table 3.3). Similarly, when the 

ratio of H2O and CO2 was modulated in a mixed acetonitrile and water system, it was 

found that the formate production rate was greater than H2 formation rate at CO2 to H2O 

molecular ratios between 0.1 and 1 (Tomita et al. 2000). However, this was achieved at 

lower Faradaic yields (65%) and higher overpotentials at Pt in comparison to other 

transition metals.  At other electrode metals, product distributions also changed upon 

pressure increases; however the effect was particularly prominent on Pt indicating that 

these surfaces are good catalysts for CO2 reduction at conditions where HER is 

minimal. Surprisingly, Pt surfaces were reported to favour methanol (CH3OH) 

production by pyridinium assisted CO2 reduction as this is discussed in the next 

sections.   
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3.1.2 Catalytic Electrochemical Reduction of CO2  

To be economically viable the electrochemical reduction of CO2 should be energetically 

efficient with a high reaction rate. Although not often discussed in the literature, the 

energetic efficiency is a critical parameter as it measures the recovery of the energy 

used in product formation; hence it determines its energy cost. High energetic efficiency 

is achieved through high Faradaic efficiency and low overpotentials (Figure 3.1).  

  

Figure 3.1 Qualitative reaction scheme for CO2 conversion. Catalysts and electrolytes 

acting as co-catalysts can lower the energy of the intermediate and thus improve the 

energetic efficiency of the conversion. (Redrawn from Whipple and Kens 

review)(Whipple & Kenis 2010) 

For instance, although high Faradaic efficiencies have been reported, with >90% for 

formate and CO and ca. 70% for hydrocarbons such as methane, the high overpotentials 

at which these products were formed presents a real obstacle to enhancing the energy 

efficiency (Whipple & Kenis 2010). The direct electrochemical reduction of CO2 (of the 

processes reported earlier) by one electron to the radical anion    
   requires a highly 

negative potential -1.9V vs. SHE (pH 7) in aqueous solutions (Schwartz 1993) and -1.97 

V vs. SHE in dimethylformamide (DMF) (Lamy et al. 1977). To avoid the highly 

energetic    
   radical anion intermediary, catalytic approaches are sought to form high 

Faradaic efficiency carbon-based products from the electrochemical reduction of CO2 

while reducing the overpotentials Figure 3.1).  
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In general, the electrochemical reduction of CO2 to hydrogenated organic products in 

aqueous solution is believed to proceed by the indirect chemical interaction of CO2 with 

adsorbed hydrogen atoms produced by the electrochemical reduction of protons 

(Whipple & Kenis 2010). Thus, the efficient, reduction of CO2 necessitates designing a 

system wherein a specific poisoning of the electrode material toward hydrogen 

generation is coupled with the catalytic reduction of the CO2.  

3.1.2.1 Methanol Economy 

The challenges of efficiently storing energy using CO2 as an abundant feedstock in 

chemical bonds are high, but the potential rewards are very promising. Considering that 

this alcohol is the primary building block for many organic compounds and various 

chemicals (e.g. paint, plastics), the electrochemical reduction of CO2 into methanol is an 

interesting route. Currently, methanol (CH3OH) is used in the Direct Methanol Fuel 

Cell, an electrochemical device that directly converts chemical energy of fuels into 

electrical energy (Olah et al. 2009).  

Most importantly, in its liquid form, methanol (CH3OH) presents an ideal fuel for 

combustion and an excellent way to store energy conveniently and safely. Due to the 

issues related to the production of 6e
-
 or above products discussed earlier, very few 

works on the production of methanol via the electrochemical CO2 reduction route were 

reported until recently. This will be discussed in the next sections. However, the 2e
-
 and 

4e
-
 CO2 reduced products such as carbon monoxide and formic acid were extensively 

studied and successfully produced with interesting Faradaic efficiencies and current 

densities on several metals as reported in the next section. The success of these 

processes has led to the Mantra Energy project which is in the development stage 

towards an industrial scale power plant for formic and formate salt production 

technology by electroreduction of carbon dioxide (ERC) (Li & Oloman 2005)(Li & 

Oloman 2007). 

3.1.2.2 Reduction on Metal and other Material 

Electrodes to Methanol and Other Hydrocarbons 

Considering the enormous benefits that can be gained from methanol (CH3OH) 

production outlined earlier, many researchers have focused their studies on metals and 

materials which favour methanol (CH3OH) production by direct CO2 reduction. In 1983, 
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Halmann et al studied the reduction of aqueous CO2 on p-GaP and p-GaAs 

photocathodes. Methanol showed the highest Faradaic yield of the reduction products at 

80% on p-GaP, with a relatively low energy input (-1V vs. saturated silver electrode)
 

alongside formic acid and formaldehyde formation. This interesting results has 

encouraged workers in the field to investigate methanol production via both 

electrochemical and photoelectrochemical CO2 reduction routes. 

Five years later, Ayers and Farlay reported CO2 reduction to methanol on a 

hydrogenated palladium electrode at low electrolytic current densities. Other workers 

also reported the formation of methanol on different electrodes, but according to Hori et 

al the extremely low concentrations of the alcohol reported is of little interest since no 

higher current densities of methanol (CH3OH) formation were reported (Hori 2008). In 

addition, methanol formation from CO2 reduction at metal surfaces has been observed 

on Mo, Ru and RuO2. However, the Mo system was not durable as the electrode 

corroded during the formation of methanol (Summers et al. 1986).  

Table 3.4 shows the most successful methanol systems formation by reduction of CO2 

on metals and other material. Efficiencies of up to ca. 38%, 2% and 10% of ethanol 

(C2H6O), methanol and  propanol were achieved respectively, at transition-metal based 

oxide with the composition La1.8Sr0.2CuO4 gas diffusion electrode (GDE) at a high 

overvoltage of >-1.86V (ca. 120mA/cm
2
) vs. SHE. Only methanol is shown in Table 3.4 

since it is the product of interest (Schwartz 1993).  However, Le et al reported a better 

methanol (CH3OH) Faradaic efficiency of 38% on copper oxide electrodes. The process 

occurred at relatively high overpotentials of -1.31V vs. SHE (Le et al. 2011). Similar 

methanol Faradaic efficiency of 40% was achieved (Table 3.4) at 9mA/cm
2 

and -0.88V 

vs. SHE on Cu cathode at high pressure in a CO2-ethanol/water LiCl system (Li & 

Prentice 1997).  
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Table 3.4 Summary of methanol production by electrochemical or 

photoelectrochemical reduction of CO2 on several metals and materials 

Electrode  

Material 

Potential 

(V) vs. 

SHE 

Current 

density 

(mA/cm
2
) 

Faradaic 

efficiency 

(%) 

Reference 

p-GaP 

Ru
a
 

Ru/Cu 

Ru/Cd 

RuO2  

Mo 

Cu
b
 

La1.8Sr0.2CuO4 GDE 

Cu/Zn/Al 

CuO4 

Cu2O 

Pd 

 

-0.08 

-0.70 

-0.56 

-0.56 

-0.56 

-0.56 

-0.88 

-1.86 

-0.02-0.1 

-1.96 

-1.31 

-0.36 

 

0.005 

0.20 (37.40) 

0.005 

0.005 

- 

0.12 

9.00 

120.00 

2.00 

180.00 

15.00 

0.005 

 

99.00 

99.00 

41.30 

38.20 

60.50 

84.00 

40.00 

02.00 

01.00 

30.70 

38.00 

30.00 

 

(Barton et al. 2008) 

(Arai et al.2010) 

(Popic et al. 1997) 

(Popic et al. 1997) 

(Qu et al. 2005) 

(Summers et al. 1986) 

(Li & Prentice 1997) 

(Schwartz 1993) 

(Kobayashi & 

Takahashi 2004) 

(Schwartz 1993) 

(Le et al. 2011) 

(Morris et al. 2011) 

 
a Glassy carbon/Ru poly- quinone 

b under 60bar 

GDE: gas diffusion electrode 

Mo and Ru (Table 3.4) were reported to reduce CO2 to methanol (CH3OH) or methane 

(Summers et al. 1986).  Methanol was produced with 84% Faradaic  efficiency at -

0.56V vs. SHE but these results were not reproducible (Hara et al. 1995). Popic et al 

reported the CO2 reduction to methanol on RuO and related oxides deposited on a Ti 

substrate, at -0.56V vs. SHE. The yield increased with electrolysis time (Popic et al. 

1997). In addition, Qu et al used carbon nanotubes as the substrate of a RuO2/TiO2 

coated electrode to reduce CO2 to methanol at Faradaic efficiency of 60% with a current 

density 6.5mA cm
-2

 (Qu et al. 2005). Low methanol yields of 0.84-0.97% were reported 

by Kobayashi and Takahashi on Cu/Zn/Al at 2mA/cm
2
 and -0.02-0.1V vs. SHE 

(Kobayashi & Takahashi 2004). Bandi was able to reduce CO2 on RuO2 +TiO2 coated 

on a Ti substrate electrode and reported methanol production with 24% Faradaic 

efficiency at 0.52mA/cm
2
 and 900mV vs. Hg/Hg2SO4 in 0.05M H2SO4. Higher 

methanol Faradaic efficiency processes are reported below.  

Arai et al were able to reduce CO2 on ruthenium modified polymers electro-

polymerized on glassy carbon electrodes, obtaining up to 99% methanol (CH3OH) 

Faradaic efficiency at 0.2mA/cm
2 

(Arai et al. n.d.).  Moreover, ruthenium and ruthenium 

oxide electrodes were suggested to operate at low overpotentials of -0.5 to -0.7V vs. 

SCE and Faradaic efficiencies of 30-100%, possibly through the formation of adsorbed 
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carboxylate species, which are then hydrogenated to methanol (Halmann 1978). 

Bocarsly and co-workers also were able to reduce CO2 to methanol (CH3OH) on both 

metallic (30% Faradaic efficiency) and semiconductor materials (99% Faradaic 

efficiency); this process will be discussed in detail later in the CO2 reduction assisted by 

pyridinium to methanol section.  

3.1.2.2.1. Reduction of CO2 on Copper Electrodes 

Copper electrodes were extensively used as catalysts for the electrochemical reduction 

of CO2. The reason being that, in addition to their low price, these catalysts were the 

first to show a significant amount of hydrocarbons at high reaction rates and over a 

sustained period of time (Kuhl et al. 2012). However, overpotentials of higher than 1V 

are required and a fairly broad-mix of major and minor hydrocarbons are produced 

including hydrogen, ethylene and methane.  Interestingly, these metal catalysts also 

produced amounts of alcohols such as methanol (CH3OH) and ethanol (C2H6O). The 

current review aims at covering the most recent work on copper cathodes for a reference 

to the work reported in this thesis in terms of amounts of products formed, reaction rate, 

and the electrolysis time. 

In 2002, Yano et al reported the electrochemical conversion of CO2 to CO, C2H4, and 

CH4 at the three-phase interface on a copper net electrode in acidic solution
 
(electrolyte, 

0.5MKCl). Products detected with high yield at -1.2V are (acetone, 66 µM), (lactic acid, 

56 µM), (EtOH, 27µM) and (MeOH, 20µM) among other products (Yano et al. 2002). 

Kuhl et al. also reported the electro-reduction of CO2 on copper surfaces across a range 

of potentials (-0.6V to -1.2V) and observed a total of 16 different CO2 reduction 

products (Kuhl et al. 2012). Methane was produced with the highest Faradaic efficiency 

40% (52ppm) and methanol with less than 0.2% (0.34ppm) Faradaic efficiency (Jessop 

et al. 1994). Reduction of CO2 was carried out on nanocluster Cu/ZnO at -0.1V vs. 

Ag/AgCl. Ethylene (10.1%, 2.65x10
-4

mmol/cm
2
/h), ethanol (C2H6O) (10.2%, 2.7x 10

-

3
mmol/cm

2
/h), methane (1.8%, 7.8x 10

-3
mmol/cm

2
/h) and methanol (2.8%, 1.53x 10

-

3
mmol/cm

2
/h) were among other products formed in the 0.1M aqueous KHCO3 solution 

(Andrews et al. 2013). The electro-catalytic reduction of CO2 was investigated on Cu-

Au alloys in an aqueous 0.5 M KHCO3 solution.  

 

Ohta used copper tubes for methanol (CH3OH) and formic acid production under 

atmospheric pressure of CO2 with FEs of 2.6% and 0.84%, respectively. The detected 
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concentration corresponding to these FEs is 2ppm of each product (Ohta 1995). Another 

study of methanol formation by electrochemical reduction of carbon dioxide on 

electrodeposited copper oxide thin film resulted in the highest methanol yield, which 

was near 43 µmole hr
-1

 with a Faradaic efficiency of 38%. Moreover, CO2 was reduced 

on nanotube copper electrodes, Faradaic efficiencies for alcohols were reported to vary 

depending on the composition of the nanostructures with the best efficiencies: methanol 

17% and ethanol (C2H6O) 12% (Jia et al. 2014). A photoelectrochemical CO2 reduction 

in aqueous 5M sodium hydroxide solution to methanol (CH3OH) with 11% Faradaic 

yield (2.5 x 10
-8

 moles cm
-2

 s
-1

) was reported using Cu gauze as dark electrode. The 

amount of methanol produced increased two fold in the presence of methanol (0.5mM) 

serving as as an auto-catalyst. The photo anode, carbon modified titanium oxide 

(0.65cm
2
), was illuminated with light intensity of 100mW cm

-2
 with a solar simulator 

(Palanichamy et al. 2013). A high photochemical conversion of CO2 of 97% Faradaic 

efficiency was reported on TiO2 supported on Al2O3 representing mainly methanol 

(14% vol) (Nazimek & Czech 2011). Ramaroson et al have reported 7.2% Faradaic 

efficiency of production methanol at 120bar and 350°C on supported palladium 

electrodes LiPd/SiO2 (Ramaroson et al. 1982).  

 

Although, some efforts (reported earlier) on the production of methanol (CH3OH) from 

reduction of CO2 at Cu electrodes and other materials, the amounts of the alcohol 

produced are extremely low and no increase was shown at higher overpotentials. Hori 

and co-workers have carefully examined the CO2 reduction on copper electrodes. This 

group and others reported the deactivation of the metal electrodes as a persistent defect 

irrespective of the potential applied in the CO2 reduction (Hori 2008). For instance, 

Augustenski reported the formation of methane and ethylene on Cu. The electrolysis 

current decays rapidly in ~30 minutes after the start of the experiment and HER takes 

place. The decay of the current and the cessation of the production of the hydrocarbons 

were attributed to the deactivation of the electrode (Augustynski et al. 1996).  

Different aspects related to the deactivation of the copper cathodes were reported. The 

deactivation of Cu was reported in the form of blackening of the electrode surface after 

electrolysis. Analyses of the surface were conducted using X-ray photoelectron 

spectroscopy (XPS); the contamination of the surface with a carbon-containing 

substance was reported. The carbonaceous substance was believed to form during the 

CO2 reduction and poisons the reaction (Hori 2008). Jermann and Augustynski have 
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attempted the activation of copper electrodes for long term electrolysis to reduce CO2 

reduction. A periodic anodic activation of the cathode resulted in not only maintaining 

the electrolysing current stable but the efficiencies of CH4 and C2H4 at 55% and 45% 

Faradaic efficiencies respectively over 50 hours (Jermann & Augustynski 1994).  

The activation of a Cu electrode following electrolytic deactivation was shown to be 

recovered by periodic anodic polarisation of the electrode (Hori 2008). Periodic anodic 

pulses are effective at maintain the electrolysing current stability and the activity of the 

electrode for prolonged times. Hori et al have shown the deactivation of Cu was due to 

the surface coverage with cathodically reduced heavy metal impurities from the 

electrolyte solutions used in the reaction. Therefore, they pointed out the importance of 

the use of pure metal electrodes as well as high purity reagents in the electrolyte, in 

addition to a pre-electrolysis for further purification.  Frese et al also referred to the 

heavy metal impurities such as Fe and Zn on Cu electrode detected by XPS (Summers 

et al. 1986).  

Hori et al have investigated the deactivation of the electrode by using reagents from 

different sources. The electrolysing current dropped rapidly and the catalytic activity for 

methane production was lost within ca.100min. The activity was temporarily recovered 

by anodic stripping voltammetry, followed by an anodic polarization at -0.05V; the 

activity of the electrode deteriorates again after a short period. The same experiments 

were conducted by deliberately introducing impurities in the electrolyte. The same 

behaviour of the electrode was observed; this led the authors to the conclusion that the 

heavy metal ions were responsible for the deactivation of the electrode (Hori et al. 

1985). These electrode activation methods and techniques were adopted in Chapter 7.  

Most of the work reported above on different metals and other materials, whether 

leading to hydrocarbons, alcohols or other organic chemicals, uses high overvoltages of  

typically >-1V. This is mainly due to the first step of the reduction to    
   radical 

which occurs at -1.9V vs. SHE (pH7). Although the theoretical reduction potentials for 

multiple electron reductions of CO2 are much less negative (Table 3.1) (e.g. -0.38V for 

6 electron reduction to methanol) any outer-sphere electron transfer (i.e. uncatalyzed) 

must initially proceed through this difficult reduction. This illustrates the need for 

electrocatalysts that allow multi-electron reduction (Hori 2008). It is clear from these 

reports that the methanol (CH3OH) formation process is challenging in view of the low 

Faradaic yields achieved, high reported overpotentials and/or non-repeatability of the 
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results. Although, some of the reports of nearly 100% methanol Faradaic efficiencies 

are achieved there is still need to validate these results and further studies aiming at 

understanding the mechanism of such processes is needed.  

3.1.2.3 CO2 Reduction Assisted by Pyridinium to 

Methanol 

Although electrochemical systems have been developed to reduce CO2 to methanol or 

methane with good product yields, high electrode overpotentials are required to drive 

these processes. This leads to highly energy inefficient processes which offer little or no 

benefit since the quantity of fuel consumed during the synthesis of the products far 

exceeds the fuel value of these products.  

In 1994, Bocarsly and co-workers have reported a pyridinium catalysed CO2 reduction 

to methanol (CH3OH) on a hydrogenated palladium electrode. The CO2 reduction, 

performed in aqueous acidic solutions (0.5M NaClO4) at pH close to pKa of pyridine 

(C5H5N) (pH 5.4), was achieved with 30% Faradaic yield at low overpotentials of -

0.55V vs. SCE (Seshadri et al. 1994). Pyridine (C5H5N) was not consumed or degraded 

during a 19h run.  The redox potential of CO2 reduction at pH 5.4 was reported to be at -

0.57V vs. SCE, which is close to the thermodynamic potential for the reduction to 

methanol (Barton et al. 2008).  

In 2010, detailed kinetic and mechanistic studies of the pyridinium-CO2 reduction to 

methanol were reported on Pt electrodes. Methanol (CH3OH) production was initially 

suggested to proceed through 6-electron multi-step process mediated by pyridine 

(C5H5N) and some of its derivatives such as 4-tert-butylpyridine (Ohta 1995). The 

reduction goes through 2e
-
 and 4e

-
 reduced intermediates formic acid and formaldehyde 

respectively. The homogeneous process was believed to be initiated by pyridine 

(C5H5N) protonation in acidic media (pH5.2 to pH5.5) to form a pyridinium cation 

(PyH
+
) (Reaction 1, Figure 3.2). This is followed by pyridinium radical (Pyridinyl, 

PyH
*
) formation at -0.58V vs. SCE on Pt (Reaction 2, Figure 3.2). A series of 

experimental, digital simulation and computational investigations have proved that the 

first step toward the production of methanol (CH3OH) proceeds through the interaction 

of the pyridinium radical with the substrate leading to CO2-pyridinium complex 

formation (Reaction 4, Figure 3.2). Concurrently, the charge transfer was believed to be 

coupled to pyridinyl radical dimerization reaction (Reaction 3, Figure 3.2) leading to 
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HER. Several routes have been explored for the zwitterionic complex transformation to 

products (Barton Cole et al. 2010).  

 

Figure 3.2 Bocarsly initial mechanism of CO2 reduction to methanol via pyridinyl 

formation (Barton et al. 2008) 

This mechanism was proposed based on the cyclic voltammetry response showing a 

first order dependence of the current on concentrations of both pyridinium and CO2. 

Further evidence was gained by digital CV simulations and theoretical calculations 

(Barton Cole et al. 2010)(Morris et al. 2011)(Barton et al. 2008). In addition, a 

vibrational spectrum indicative of carbamate formation has been observed in the gas 

phase upon reaction of CO2
•-
 with pyridine (C5H5N) (Barton Cole et al. 2010).  

Methanol (CH3OH) was not produced when the pyridinium ion was replaced by N-

methyl pyridinium ions, indicating that the N-H hydrogen atom of the pyridinium ion 

was required for the reduction CO2 (Barton et al. 2008)(Morris et al. 2011)(Barton Cole 

et al. 2010). This system was exported to photoelectrochemically reduce of CO2 on p-

GaP to produce methanol (CH3OH). Faradaic efficiencies of ~96% were achieved with 

the CO2-pyridinium system at underpotentials of ~200mV (Barton et al. 2008). In view 

of the high FEs and low overpotentials reported, if higher current densities could be 

achieved in such a system, this could open up a new horizon in the carbon capture and 

utilisation sector, since this process has the potential to contribute greatly to CO2 

emission reductions (Keets et al. 2012).  
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This system involving the use of p-GaP as photocathode for the reduction of CO2 

catalyzed by pyridine (C5H5N) (Barton et al. 2008), was explored for imidazole 

(Bocarsly et al. 2012)  as an electrocatalyst on iron pyrites. The products yielded from 

the reduction are the same as the ones involving pyridine (C5H5N), but the mechanism 

is suggested to differ from the latter.  

Recently Boston, et al were able to produce formate and methanol at an illuminated 

ruthenium chromophore, [Ru(phen)3]
2+

, in acidic aqueous solution (pH5) containing 

pyridinium ion as the CO2 reduction catalyst and ascorbic acid as a sacrificial agent. 

Formate and methanol were produced with quantum yields of 0.025 and 1.1 x 10
-4

 

respectively. Beyond simply providing a conductive medium, the use of KCl salt an 

electrolyte increased significantly the formate yield (x8) and doubled methanol yield. 

While, the role of this salt is not completely understood, it was suggested the presence 

of the potassium cation (K
+
) may contribute to the stabilization of the Py-CO2 complex 

via ion-pairing, thus improving the reaction yield. The process reduction path was 

proposed to proceed by either a reductive quenching of the photo-excited complex by 

ascorbate followed by electron transfer to pyridinium ions, or by an oxidative quenching 

by the pyridinium ions followed by reduction of the ruthenium complex by ascorbate. It 

was demonstrated in this study that metal surfaces are not necessary for methanol 

formation (Boston et al. 2013). 

Quantum chemical calculations were employed to investigate the mechanism of 

electrochemical reduction of CO2 at illuminated p-GaP in the presence of pyridinium 

ions. The reduction process is believed to initiate by the protonation of pyridine 

(C5H5N); the pyridinium ion formed then is reduced to a pyridyl radical. The radical 

formed then reduces CO2 by one electron transfer through nucleophilic attack of the N 

lone pair on the C of CO2. Finally proton transfer from the pyridyl radical to CO2 

produces PyCOOH
*
. This pathway suggests that pyridine (C5H5N) catalyses the 

formation of formic acid and formaldehyde en route to formation of methanol (Lim et 

al. 2013).  

Barista and co-workers reported a theoretical work on the CO2 reduction to formic acid 

on single crystal Pt electrodes. They suggested that CO2 is reduced by binding of 

hydrogen atoms to the Pt surface that are transferred as hybrids to CO2 in proton 

coupled hybrid transfer (PCHT) activated by pyridinium. The reduction proceeds by 

one-electron reduction of pyridinium on Pt to form hydrogen atoms adsorbed on Pt (Pt-
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H hybrid) and regenerate pyridine (C5H5N) at a pH independent potential in acidic 

solution, where pyridinium concentration is higher than the proton concentration. The 

hydrogen adsorbate is then electrophilically attacked by CO2 in a two-electron PCHT 

reaction, that is first order both in CO2 and pyridinium (Ertem et al. 2013). 

Given the near 100% Faradaic efficiencies achieved on p-GaP
  
(Barton et al. 2008) and 

ca. 20% on Pt cathodes (Morris et al. 2011) at low overpotentials, the highly efficient 

and selective reduction of CO2 to methanol catalysed by pyridinium cation has enticed 

many researchers into this field, shortly after the CO2-pyridinium system was reported. 

However, discrepancies of the coupled reaction rate constant were reported. Tossel et al 

have calculated the redox potential of pyridinium radical at -1.44V vs. SCE, which is 

nearly 1V more negative than the experimentally observed redox potential (-0.58V) of 

what is believed to be the same process. Similarly Keith and co-workers reported the 

calculated homogeneous redox potential as -1.45V, very close to the redox potential 

reported by Tossel (-1.44V) (Tossell 2011). These high overpotentials are most 

probably related to the pyridine (C5H5N) reduction, which is reported in the next 

section. The discrepancy of the rate constant ruled out the possibility of pyridinyl 

formation in homogeneous solutions at such low overpotential (J. a Keith & Carter 

2013).  

Moreover, the voltametrically evidenced pyridinium radical formation proved 

contentious due to the electrode surface role in the reaction. The pyridinium cation was 

experimentally observed to discriminate cathode interfaces, since the glassy carbon was 

reported to be inert toward this ion (Barton et al. 2008)(Costentin et al. 2013), while the 

voltammetric wave of the predicted radical was observed on some electrode interfaces 

including Pd (Seshadri et al. 1994), Pt (Morris et al. 2011), p-GaP (Barton et al. 2008), 

Pt/C-TiO2 (de Tacconi et al. 2012) and iron pyrites (Bocarsly et al. 2012). This has 

invoked several computational calculations reported earlier. Although discrepancies in 

the theoretical pyridinium reduction potential were reported, it is well agreed that the 

reduction of the ion occurs at least -0.6V more negative than experimentally observed 

(Keith & Carter 2012)(Lim et al. 2013). This fact has made the mechanism proposed 

improbable, which stimulated further investigations aimed at uncovering the underlying 

mechanism.  

Discrepancies were observed in the optimized rate constant for the coupled reaction 

leading to molecular hydrogen which was used to estimate pyridinium concentrations at 
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the interface. Eight orders of magnitude difference was reported by Keith and co-

workers in the rate constant estimated for the HER reaction. While Bocarsly reported a 

rate constant of k=2.7M
-1

s
-1

, a time-resolved electron spin-resonance (ESR) 

spectroscopy study during UV photolysis of pyridine (C5H5N) revealed a rate constant 

of k=7 x10
8
M

-1
s

-1
 for the same reaction (J. a. Keith & Carter 2013). This has questioned 

the experimentally observed potential at -0.58V vs. SCE on Pt electrode which was 

previously believed to be the potential of one electron charge transfer to the pyridinyl 

radical. Quantum chemistry studies revealed that the reaction proceeds via two electron 

charge transfer to ortho or para dihydropyridine as the active co-catalyst in the CO2 

rather than pyridinyl radical proposed previously by Bocarsly and co-workers (Keith & 

Carter 2012).  

Moreover, the number of electrons transferred in the electrochemical reduction of 

pyridinium-acid system was controversial in the literature. Bocarsly and co-workers 

reported a one-electron pyridinium reduction. The quantum chemistry calculations have 

predicted two-electron reductions of pyridine (C5H5N),               , as a 

possible mechanism to form 1,4-dihydropyridine (DHP) at low overpotentials (-

0.72±0.30V vs. SCE), since the DHP has shown thermodynamic stability at the 

experimentally observed potential and pH used (Keith et al). However, Bocarsly et al 

showed that the formation of the intermediate, 4,4’-bipyridine (bpy), requires a rapid 

cleavage of the C-C bond of DHP to regenerate pyridinium, is energetically 

unfavourable process. In addition, these authors reported the difficulty of the proton 

exchange to the para position for pyridinium in bulk deuterium electrolysis, this rules 

out the possibility of two-electron transfer reaction (Barton Cole et al. 2010).  

A recent voltammetric study of acids on Pt electrode has revealed some of the features 

related to pyridinium cation behaviour in the absence and the presence of CO2. The 

cation is believed to behave as any weak acid in aqueous solutions on Pt interfaces 

leading exclusively to hydrogen generation reaction. According to Constentin et al the 

peak current observed under argon
 
(Seshadri et al. 1994)

 
(Morris et al. 2011)(Costentin 

et al. 2013) is merely the reduction of diffused hydrated protons to the electrode surface. 

The protons are released by the acid, pyridinium, as part of the fast cation deprotonation 

equilibrium. This group argues that the mechanism leading to the catalytic current 

observed under CO2 does not differ much from the current resulting under an inert gas; 

the enhancement of the former is due to increased proton concentration, resulting from 
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both the deprotonation of pyridinium seen in the latter case and from carbonic acid 

dissociation. This interpretation together with NMR analysis, which showed no sign of 

methanol, explicitly rules out the catalytic role of pyridinium towards methanol 

production. 

Electrochemical reduction of pyridinium was studied at Pt electrodes in acidic 

acetonitrile solutions on Pt electrode. The potential of pyridinium reduction was 

observed at -0.75V vs. Ag/AgCl, the peak current of the observed wave increased with 

the addition of protons to the system to a certain limit after which a second wave at -

0.35V was observed. The latter wave was believed to be the reduction of free protons. 

Thus, the diffusion controlled reduction of pyridinium ion was suggested to lead to 

HER and regeneration of pyridine (C5H5N) (Tomita 2000). 

The mechanism of the CO2 electrochemical reduction assisted by pyridine (C5H5N) is 

debatable to date. The intermediates in this process have not been well characterized 

and may differ under the various photochemical, photoelectrochemical and 

electrochemical conditions employed. The reduction of heterocyclic compounds 

containing nitrogen has been studied by polarography, chemical and radiolytic 

reductions at metal electrodes and this provides some insights into the mechanism and 

the likely intermediates for pyridinium-mediated CO2 reduction. 

3.1.3 Reduction of Nitrogen-Heterocycles: Pyridine 

and Derivatives 

The chemical reduction of nitrogen-bearing heterocycles has been studied in 

homogeneous solutions using active metals in aqueous solutions by high energy 

activation routes such as gamma ray irradiation and electron pulse radiolysis. Both 

methods produce pyridinyl radicals which are unstable and tend to dimerize or 

disproportionate. The reduction of pyridine (C5H5N) with sodium metal was shown to 

form dimers and other polymeric species, this is indicative of radical intermediate 

formation. The reduction of pyridine derivatives such as ortho- and para-

dimethylpyridine species by sodium metal formed the dihydropyridine derivatives; this 

route inevitably goes through pyridine derivative radicals (Watt 1949). Similarly, 

pyridine radicals have been seen by the electron spin resonance (ESR) technique upon 

reaction with potassium metal in aprotic solvent. The unstable product was 4,4’-

bipyridyl (Ward 1961).   
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The formation of dihydropyridines was detected by several workers upon the reduction 

of pyridine (C5H5N) derivatives with lithium (Tanner & Yang 1993), magnesium and 

zinc (Lansbury & Peterson 1961) (Kedzierzawski 1994). Moreover, transient 

intermediates were detected by gamma ray irradiation and pulse radiolysis to form 

dihydropyridines by pyridine derivative reduction (David et al. 1966).  Solar, et al. 

found that pyridinium was much more easily reduced to the radical form than pyridine. 

Derivatives of pyridine were also examined using pulse radiolysis and were found to 

produce similar products (Talcott & Myers 1967)(Grover et al. 2003). 

3.1.3.1 Electrochemical reduction of N-heterocycles at 

Metal Electrodes  

 

The reduction of nitrogen bearing heterocycles such as pyridine and pyridinium 

derivatives has been extensively investigated at several metal electrodes as early as the 

19
th

 century. Cathode materials with high overvoltage for HER (such as lead and 

mercury (Hg)) were examined to diminish the HER. Pyridine (C5H5N) and its 

derivatives were reduced in several aprotic solvents yielding different compounds via 

the formation of radicals at exceptionally high overvoltage. In non-aqueous 

dimethylformamide (DMF) solution at a dropping mercury (Hg) electrode, pyridine was 

reported to reduce by two electrons at -2.01 V versus a mercury pool electrode (Given 

1964). Similarly, Tabner and co-workers reported the reduction of pyridine at -2.76 V 

vs. Ag/AgCl (Tabner & Yandle 1968). This was confirmed later by Satradyn and co-

workers; the unprotonated form of pyridine formed a 2-electron wave to 

dihydropyridine at potentials above -2V (Stradyn et al. 1975). 

 

Pyridinium derivatives were also reduced on metals via radical formation. For instance, 

the electrochemical reduction of alkyl-pyridinium cation was achieved in pyridinium 

chloride (Cl
-
) ionic liquid at -0.95V vs. SCE on glassy carbon and tungesten (Gale 

1980). The reduction resulted in 45% yield of the relatively unstable primary pyridinyl 

radical, 4,4'-tetrahydrobipyridine, at a reduction potential of -0.81V vs. SCE, which 

rapidly dissociated to form a more stable and active 1,1'-dibutyl-4,4'-bipyridinium 

radical. Furthermore, the reduction of 1-methylpyridinium was reported to proceed 

through radical generation at -1.28V vs. SCE on Hg in acetonitrile (Shikata & Tachi 
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1926). Derivatives that are electron accepting, but have an electrochemically inactive 

substituent attached to the ring, give a 2-electron wave resulting from the 

electroreduction of the pyridine (C5H5N) ring and also a catalytic hydrogen wave 

(Given 1964). 

In most cases, the one-electron reduced pyridinyl intermediate has been proposed as the 

initial reduction product, which is then quickly consumed by subsequent chemical or 

electrochemical steps to produce bipyridines and dihydropyridines. Under certain 

circumstances it was possible to detect the one-electron reduced pyridinyl radical before 

coupling or secondary reduction events occur. Similar high overpotential reduction 

processes of pyridine and pyridinium derivatives via radical formation were observed 

when aqueous solutions were used.  Shikata et al have reported the reduction of pyridine 

to piperidine at 65-95% with other by-products in aqueous solutions at lead and mercury 

electrodes; the reduction was achieved at high overpotentials (>-1.7V vs. SCE) (Shikata 

& Tachi 1926). Moreover, in ammonium chloride (Cl
-
)  aqueous solution at a mercury  

(Hg) electrode, pyridine was reduced at -1.67 V vs. SCE (Shikata & Tachi 1926).  

In general, when reduction potentials of greater than -1.5 V vs. SCE were employed, the 

most common reduction products of pyridine or pyridinium derivatives reported were 

the dimerization products (e.g. 4,4’-bipyridines or 1,4-dihydropyridine). In aqueous 

solutions, hydrogen generation was reported by some workers to dominate over the 

formation of the dimerization products upon the reduction of pyridine (Stradyn et al. 

1975) (Mairanovskii 1963). Opinions as to whether pyridine, in protogenic solvent, 

gives in addition to the hydrogen wave, the reduction wave of the pyridine-ring itself 

are contradictory. Some authors suppose that pyridine gives two, one-electron reduction 

waves at -1.5 V and -1.8V corresponding to pyridinyl radicals, which undergo parallel 

dimerization adding a second electron to form dihydropyridine (Stradyn et al. 1975). 

However, Stradyn has observed that under the conditions of classical polarography at a 

mercury  (Hg) electrode and in aqueous solutions of pyridinium, these cations only 

catalyze the liberation of hydrogen ions and pyridine (C5H5N) is not reduced at all in the 

unprotonated form. These observations are consistent with the work of Mairanovovskii, 

who has reported the exclusive evolution of molecular hydrogen upon the polarographic 

reduction of N-heterocycles in aqueous solutions. Nitrogen bearing heterocycles such as 

pyridine contribute to formation of molecular hydrogen on the cathode in aqueous 

solutions without being reduced themselves.   
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The catalytic hydrogen wave usually appears at more positive potentials than the 

hydrogen reduction potential in the same solution. This gives the catalyst the property 

of accelerating HER at underpotentials. In this process the lower overvoltage is driven 

by the regeneration of the cationic active form to the catalyst (Mairanovskii 1963). 

However, Kolthoff and Lingane believe that the polarographic behaviour of N-

heterocyclic compounds is reflected in the reduction of the aromatic compound wave in 

addition to catalytic hydrogen wave (Kolthoff & Lingane 1955).  

Such controversy has led Shikata and Tachi to investigate pyridine (C5H5N) behaviour 

further in acidic solutions on DME. Two waves were observed at -1.5V and -1.7V vs. 

SCE corresponding to pyridinium ion reduction and the reduction of the undissociated 

molecule respectively (Shikata & Tachi 1926). These observations were confirmed by 

Tompkins, P.C; Schmidt. However, the first wave seen at -1.5V vs. SCE was believed 

to be proton reduction to hydrogen rather than pyridinium reduction, since the current of 

the direct reduction by transfer of electrons from the cathode to pyridine is controlled 

solely by the diffusion of the latter. On the other hand, the catalysis of protons to form 

hydrogen is dependent on both pH and the concentration of pyridine (Tompkins, P.C; 

Schmidt 1942).  The process leading to the formation of a hydrogen wave on a mercury 

(Hg) drop electrode (MDE) was shown to proceed via adsorption followed by a set of 

reactions, which result in the generation of a hydrogen molecule in an aqueous medium. 

Based on detailed analysis of this process, a mechanism was proposed for the formation 

of hydrogen, catalysed by pyridinium. 

3.1.4 Summary 

The electrochemical CO2 reduction to valuable products has been extensively studied 

over the past few years. Although, high Faradaic efficiencies of carbon monoxide and 

formate were reported by the direct CO2 reduction at different metals and other material 

electrodes, the process usually requires high overvoltages of >-1V as outlined in the 

present Chapter. The high energy input of these electrochemical systems renders the 

reduction process less efficient. Thus, the catalytic CO2 reduction approach is becoming 

more popular. In particular, the catalytic reduction of CO2 to methanol has recently 

attracted the researchers’ attention due to the value and the numerous advantages the 

alcohol can offer. However, methanol production through the electrochemical CO2 

reduction has only been reported by a limited number of literature works. Despite, the 
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good methanol yields/Faradaic efficiencies achieved in some of these reports, high 

electrode overpotentials were used to drive the reactions. The high electrode 

overpotential remains the main issue in most systems.   

The recently high efficient electrochemical CO2 reduction to methanol assisted by 

pyridinium has attracted considerable attention. The unprecedented system used a 

simple organic molecule as a catalyst to drive the CO2 reduction at low overpotentials 

(~100-200mV) resulting in high methanol Faradaic efficiencies of nearly 100%. 

However, the CO2-pyridinium system was reported only at low current densities 

(~50µA cm
2
). In addition, the initially proposed mechanism based on the pyridinyl 

radical intermediate as a first step toward the production of methanol was disproved by 

theoretical calculations.  

Subsequently, alternative mechanisms for the CO2-pyridinium reduction system were 

suggested by independent groups. However, the suggested reactions pathways are 

controversial in terms of the catalytic role of pyridinium. Some of these investigations 

believe the aromatic amine catalyses the CO2 reduction by binding of hydrogen atoms 

to the Pt surface creating Pt-H hybrid that are transferred to CO2 to produce formic acid 

as a first step toward the methanol formation (Ertem et al. 2013) (Liao et al. 2015), 

whereas, another group of workers demonstrated that pyridinium merely catalyses HER 

(Costentin et al. 2013). Moreover, the CO2-pyridinium reduction system was exported 

to other material electrodes. Some of these reports confirmed the production of 

methanol (Boston et al. 2013) (de Tacconi et al. 2012) (Zeng et al. 2014), while others 

could not detect the alcohol or any other carbon based products (Costentin et al. 

2013)(Lucio & Shaw 2015).  

In view of the controversy surrounding the reduction of pyridinium discussed above and 

considering that the pyridinium-based electrochemistry for CO2 reduction at a platinum 

electrode in aqueous solutions process is still unclear. The mechanism and products of 

pyridinium reduction on platinum are investigated in the following chapters. First, the 

role of pyridinium in the electrochemical CO2 reduction was investigated. This was 

based on analysis of the experimentally-derived mechanisms (Barton Cole et al. 2010) 

(Costentin et al. 2013), high pressure voltametric study, numerical simulation and 

Nicholson based diagnostics. 
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A high pressure electrolytic study was also conducted under various conditions aimed at 

increasing the methanol yields and enhancing the current densities of the 

electrochemical reduction of CO2. The concentration of CO2 can be enhanced by 

increasing its pressure. The abundance of this reactant near the electrode surface is 

expected to maximise the current contributing to CO2 reduction to methanol. Hence, the 

electrochemical reduction in the CO2-pyridinium system was extended to high CO2 

pressure (50-55bar) at Pt electrodes. 
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Chapter 4 Experimental Methods and 

Techniques 

The first part of this Chapter describes the high pressure set up used in both the 

voltammetric and the bulk electrolysis measurements. The second part outlines the 

electrolysis products analysis by gas chromatography mass spectrometry (GCMS).  

4.1 High Pressure Experimental Setup 

The high pressure set up used in both the voltammetric and the bulk electrolysis 

measurements is illustrated in Figure 4.1. It consists of a CO2 cylinder, JASCO
®
 CO2 

delivery pump (Section 4.1.2.1), JASCO
® 

backpressure regulator (BRP) (Section 

4.1.2.2), a high pressure vessel (Section 4.1.1.2), JULABO
® 

water circulator and 

Metrohm® Autolab potentiostat connected to a computer equipped with Nova® 

software. 

 

Figure 4.1 Schematic diagram of the high pressure set up 
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The CO2 delivery pump, the BRP, and the high pressure vessel are connected using 

1/16" 316 HPLC stainless steel capillary tubing. Liquid CO2 is supplied via the cylinder 

equipped with a dip tube for liquid use and fed directly into JASCO
®

 CO2 pump via the 

inlet port (Figure 4.6) as seen in Figure 4.1; this is controlled by valve 1 (Figure 4.6). 

Then CO2 circulates via the outlet port which is connected to a Rheodyne valve (Figure 

4.6). The Rheodyne valve has two positions, by-pass position and vessel position which 

has another control valve 2 in (Figure 4.6). The pump has an in-built pressure sensor 

which is connected to a trip circuit. If a blockage occurs then the pump would register 

an over-pressure and stop pumping CO2. The pump requires restart even if the blockage 

is solved and system pressure dropped to normal. The BRP is connected to the pump 

and the reaction vessel as a second measure of pressure control in case the pump sensor 

fails. The JASCO
®
 pump head is chilled to maintain a constant temperature (-10°C). 

The nozzle of the BPR can be heated to ~40 °C to avoid freezing of the pipe work upon 

expansion of the CO2. Liquid/gaseous CO2 is then fed into the reaction vessel. The 

vessel temperature is maintained at 20°C or 25°C using a water circulator (JULABO
®

) 

(Figure 4.1). The electrodes fitted in the vessel top are connected to the potentiostat for 

cyclic voltammetric experiments and electrolysis measurements, and this latter is 

controlled by a computer/software.  

4.1.1  High Pressure Vessel 

4.1.1.1 Experimental Specification and Conditions 

Both the voltammetric measurements and the bulk electrolysis at high pressure CO2 

were undertaken in the glass liner which is inserted into the Parr® stainless steel vessel 

(Section 4.1.1.2). Aqueous electrolytes of 0.5MKCl were used in all experiments (10-

25ml volume range). A three electrode arrangement was employed (Figure 4.2). All 

high pressure experiments were referenced against the home-made pseudo Ag/AgCl 

electrode (RE) (Section 4.3.3.3). A platinum mesh (Section 4.3.2) (ca. 20 cm
2
) was used 

as a counter electrode (CE) for these series of experiments. The CE was isolated from 

the other electrodes in a separate tube as illustrated in Figure 4.2. The isolation 

arrangement is to prevent/minimise the interference of the counter electrode/anode 

products (CE) with the products of electrolysis of interest in the working electrode 

(WE) containing electrolyte. Platinum electrode wires of 0.3mm or 0.5mm diameter 

(area 0.07cm
2
 and 0.6cm

2
 respectively) or Pt discs (100µm, ~7.85x10

-5
cm

2
) and 



 

88 
 

(300µm, ~7.06x10
-4

cm
2
) were used as working electrodes (WEs) in the voltammetric 

measurements. Higher area Pt electrode (Pt foil ~3.8 cm
2
) was used for the bulk 

electrolysis experiments (Section 4.3.1). The temperature was maintained at 20°C or 

25°C using the water circulator. The aqueous electrolytes were purged with CO2 for ~1h 

for all pyridine concentrations used. CO2 saturation at low atmospheric pressure (1bar) 

with bubbling mean results in the evaporation of pyridine, however, gas 

chromatography mass spectrometry (GCMS) analysis showed that pyridine is lost with 

approximately 5%, this is considered acceptable and does not affect the results.  

 

 

Figure 4.2 Schematic diagram of the glass liner (inserted in the high pressure vessel) 

with the three electrode arrangement 

4.1.1.1.1. High Pressure Vessel Design Considerations 

The experiments at elevated pressure had to be carried out in a specific high pressure 

cell. The design of such a part should correspond to the specification needed to perform 

the electrochemical reduction of carbon dioxide at high pressure and mild heating. The 
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vessel should withstand up to 350 bar and a maximum of 150°C, thus the most suitable 

material selected for the vessel construction was stainless steel (SS-316), which exhibits 

good mechanical strength and relative inertness toward many corrosive solutions. The 

vessel should comprise two main parts: the vessel body and the vessel cap (Appendix B, 

Figure B1). The vessel body is the lower part where the electrochemical reactions take 

place and the vessel cap is the top part which holds the sealed electrodes fittings.  

Performing electrochemical reactions implies working in insulated space with no 

conducting intruder of any kind, so the vessel body needed to be either coated with non-

conductive material such as PTFE or a glass liner should be inserted into this part. 

Considering that this part contains two windows and given the high weight of the 

vessel, the latter option is more practical in terms of better cleaning of the inner walls of 

the cell following each use. The glass liner was chosen as a reaction container in the 

current work. For safety purposes, the volume of the vessel was restricted to no more 

than 100ml and a minimum of 15mm was used as the thickness of the vessel body 

walls.  

The vessel body should hold two cylindrical windows, for watching/recording the 

reactions. The windows incorporated into the cell should be designed to withstand the 

maximum pressure and temperature which the vessel can tolerate. Sapphire is the 

material satisfying these requirements and is readily used in high pressure spectroscopic 

systems
 

(Suleimenov 2004). For high reliability of the vessel performance and 

durability of the windows seals, some sealing systems based on the unsupported area 

principle were examined (Brunner et al. 1984)(Suleimenov 2004)(Hara & Morishima 

1988)(Gorbaty et al. 2003). The unsupported area principle is based on exerting a 

pressure on the seal for a higher contact force between the sealing element and the 

moving part. Hence, the sealing becomes more effective as the pressure increases. The 

upper pressure limit is set by the deformation of the seal where the unsupported area 

disappears (Brunner et al. 1984). 

The closest design which satisfied the needs of the project and was initially considered 

with some modification was the sealing system by Brunner and co-workers (Brunner et 

al. 1984). In this design the cylindrical sapphire disk is pressed against the polished 

surface of the pressure distributing ring; this renders the vessel self-sealing when the 

pressure is applied (Appendix B, Figure B1). The vessel cap should hold the sealed 

electrodes and the CO2 input and output tubing. The sealing of cell cap is equally 
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important and should be carefully designed. A reliable sealing technique was inspired 

from the instrument company Parr
®
. It consists of a flat PTFE gasket that is sealed in a 

screw cap. The cap is then clamped to the cell body by split-ring with cap screws 

(Appendix B, Figure B1). 

Another important factor which had to be taken into consideration when constructing 

the vessel cap was the stability of the electrode sealing. Hence, various electrode sealing 

methods were examined. First, Vici
®
 fitting by Valco

®
 Instruments Co. Inc., used to 

seal wires and optical fibres individually, was inspected. This sealing technique relies 

on compression fittings, in which a ferrule is compressed onto a tube as a nut is 

tightened. Considering that three electrodes are needed in the vessel, Vici
® 

fitting was 

not convenient since each wire has to be sealed individually. This requires a larger 

diameter of the area to be inserted into the vessel body; hence the volume of the vessel 

should be increased which reduces its safety. A more satisfactory option was Conax
®
 

sealing by Conax
® 

Technologies (Appendix B, Figure B3).  Conax
® 

sealing is based on 

axial follower force, applied on the cap and translated by the torque, which compresses 

or crushes the sealant that is contained within the body thus creating a seal on the 

element. Tension in the body acts like a spring to maintain compression, friction 

between the sealant and restrains the element from moving under pressure. In addition, 

Conax
® 

Technologies offer a multi-sealing system (Appendix B, Figure B1). The PTFE 

was the best sealant holding up to four wires of 1mm diameter with a gland mounting 

thread (NPT)1/2” which could be used up to 345bar and 232°C and thus satisfies this 

project/application requirements. The electrodes inside the vessel are insulated with 

Kapton®, a polyimide film with fluoropolymer resin (FEP) binder that is hermetically 

wrapped on wires and has excellent dielectric and insulation properties (DuPond, 2015). 

4.1.1.2 Parr® High Pressure Vessel  

The vessel was custom designed and constructed by Parr
®
 as shown in Figure 4.3 to the 

specifications described in Section 4.1.1.1.1 with some modifications. The Parr
®

 vessel 

body comprises two windows, colourless synthetic sapphire with 16mm thickness and 

35mm diameter (Figure 4.3, dark grey), polished faces mounted plane-parallel and 

30mm distant to each other by means of a supporting screw. The window sealing 

adopted by Parr
®
 is slightly different from the sealing system initially considered in 

Section 4.1.1.1.1. It consists of an O-ring and a pressure distributing ring. To facilitate 
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sealing a thin Teflon film (1mm) is placed between the supporting ring and the flat 

surface of the window. The cap sealing designed by Parr
® 

consists of a flat PTFE gasket 

(Figure 4.3, dark red) which seals tightly between the vessel body and the cap once 

clamped using the split-ring (Figure 4.4, grey). This clamping system adds greatly to the 

convenience of the equipment and ease of handling so the head with all of its fittings 

can be lifted from the cylinder without disrupting any attached fittings. 

 

Figure 4.3 Section view 2D drawing of the high pressure vessel (design by Parr
®

) 

The cap screws can be tightened or loosened, but they are never completely removed 

from the split ring. This saves time in opening and closing the vessel and looking for 

lost parts.  
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Figure 4.4 Parr
®

 high pressure vessel, left close view of the vessel cap 

The vessel was constructed with an outer wall jacket for heating purposes. In addition, 

the vessel cap contains a safety pressure relief valve, thermocouple, and a pressure 

regulator (Figure 4.4). The reaction container consists of a glass liner of 100ml which 

fits into the stainless steel vessel (Figure 4.5). A PTFE holder was machined to fit inside 

the glass liner to hold the electrodes in place. 

 

Figure 4.5 PTFE electrode holder inserted in the  glass liner(100ml) 

The glass reaction cell is heated by means of thermal transfer from the inner walls of the 

stainless steel vessel. This latter is heated by water circulating in the outer heating jacket 
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(Figure 4.4). The water temperature is controlled ( 0.1C) using the JULABO
®
 

circulator shown in the diagram (Figure 4.2) in section 4.1.  

4.1.2 CO2 Pump and Back Pressure Regulator (BRP) 

4.1.2.1 CO2 Delivery Pump  

High pressure experiments were carried out using JASCO
®
 liquid CO2 delivery pump 

(PU-2080-CO2). The CO2 is supplied in liquid form to the pump from a CO2 cylinder 

equipped with a dip tube. The liquid CO2 delivery pump consists of the pump, head 

cooling unit, and controller, all integrally housed for convenience of operation (Figure 

4.6). The pump employs a Slow Suction-Quick Delivery (SSQD) method to enable a 

stable transfer for up to 500 bar and has an in-built pressure sensor. The maximum 

recommended pressure is 300 bar with an accuracy of ±1bar. Figure 4.6 shows the main 

parts of the CO2 delivery pump. The CO2 pump instrument is equipped with an 

electronic cooling unit (lower part of the instrument, Figure 4.6) which maintains the 

temperature of the pump heads below -4 up to -10°C. 

 

Figure 4.6 CO2 Liquid Delivery Pump JASCO
®

 (PU-2080-CO2)  

The operation panel (at the top of the instrument, Figure 4.6) consists of edit keys, LCD 

display, and control keys. The control and the edit keys are used to monitor the pump 

operations, including the flow stat/stop and time program stat/stop. On the right, are 

shown the valves which control the CO2 stream in and out. Valve1 controls the inlet 

port for liquid CO2, valve 2 links the vessel to the BRP and the Rheodyne valve supplies 

CO2 to the vessel. 
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The pump operates at two optional delivery modes, constant flow or constant pressure. 

The constant flow rate can be set in the flow range 0 to 10ml/min with a minimum 

increment of 0.001ml/min. The recommended flow rate range is 0.5 to 5.0 ml/min with 

an accuracy of ± 2% or 2µl/min whichever is larger; the flow rate precision is 0.1%. 

The pressure control mode is settable in the range of 30 to 300 bar with 1 bar increment. 

The pressure accuracy in this mode is ±10% of the setting value or ±10bar whichever is 

larger. The constant flow and the constant pressure options are used in the normal 

operation mode. The pump could also be operated in a program mode. In program 

mode, a gradient delivery, time programs for the flow rate and the pressure selection can 

be set.  

A self-diagnostic test is done automatically when the pump is turned on. It checks the 

memories RAM and ROM, direct current (DC) power supply, and the pressure sensor. 

A leak test was performed prior the first operation. The leak test was carried out to 

check leaks in the high pressure including, the pump, BRP, tubing and the vessel 

described in the next section. 

4.1.2.2 Back Pressure Regulator (BRP) 

A programmable back-pressure regulator (JASCO
®
 BP- 2080 BPR) was used to control 

the pressure of the system (Figure 4.7). BRP BP-2080 is a control device for 

supercritical fluid chromatographs, for small supercritical fluid extraction equipment, 

and for the CO2 delivery pump.  

The BRP consists of a valve unit attached to heater jacket. The pressure control mode 

works by opening /closing a variable stroke needle valve. The pressure setting ranges 

between 0 and 500 bar with 1 bar increment. The precision of the pressure control is 

±1% of the setting value or ±1 bar. The operating flow range for the BRP is 0.1 to 

120ml/min. Figure 4.7 shows the back-pressure regulator main parts. The operating 

panel consists of an LCD display and control keys. The BRP is operated on a time 

program, where the pressure, temperature, and the fluid flow rate can be set using the 

control keys. The heating unit (Figure 4.7) operates at a temperature setting range of 

30ᵒC (or the room temperature plus 10ᵒC) to 80ᵒC.  
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Figure 4.7 Back Pressure Regulator JASCO® (PB-2080) 

The BRP performs a self-diagnostic test automatically similar to the pump ‘switching 

on’ mode. The BRP checks the same components listed above in addition to the stroke 

valve check.  

4.1.3 Potentiostat 

All electrochemical measurements were performed on a Metrohm® Autolab 

PGSTAT101 potentiostat/galvanostat controlled by an Intel
®

 Core
™

 2 processor 

computer using Windows
®
 7 as the operating system. Nova 10.1software, written by 

Metrohm®, was used to control the Autolab system.  

4.2 Reaction Cells for Ambient Pressure 

4.2.1 Experimental Specification and Conditions 

Both the voltammetric measurements and the bulk electrolysis at 1bar of CO2 or N2 

were undertaken in a Metrohm
®
 cell of conical shape of 50ml volume or a cylindrical 

500ml volume glass cell (Figure 4.8a, b). Aqueous electrolytes of 0.5 MKCl were used 
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in all experiments of volume 25ml-30ml range for Metrohm
®
 cell or 250ml for the 

cylindrical shape cell. Both cells use the same fittings on their caps:  A gas bubbler for 

either CO2 or N2 introduction in the system and a three-electrode system as shown in 

Figure 4.8. The experiments in either cell were referenced against the Metrohm® 

Ag/AgCl reference electrode (RE) (Section 4.3.3.3) or saturated calomel electrode 

(SCE) (Section 4.3.3.2).  

A Metrohm® glassy carbon or Pt foil was used as a counter electrode (CE). The CE was 

isolated from the other electrodes in a separate tube as illustrated in Figure 4.2. 

Metrohm® Pt disc (3mm diameter, 0.07cm
2
 area), Pt electrode wires of 0.3mm or 

0.5mm diameter (area 0.07cm
2
, and 0.6cm

2
 respectively) or Pt discs (100µm, ~7.85x10

-

5
cm

2
) and (300µm, ~7.06x10

-4
cm

2
) were used as working electrodes (WEs) in the 

voltammetric measurements. Higher area Pt electrodes (Pt foil ~3.8 cm
2
 and Pd wire 

~2.56 cm
2
) were used for the bulk electrolysis experiments. The temperature was 

maintained at 20°C or 25°C using the water circulator. 

 

Figure 4.8 Glass reaction cells used in the ambient pressure experiments 

4.3 Electrodes  

A standard three-electrode arrangement was used in all experiments. Electrodes from 

Metrohm
® 

and Russell
®
 were used in the ambient pressure experiments. Other 

homemade working electrodes, counter electrodes and some reference electrodes were 
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prepared and used for convenience and to fit the experimental cell shown in Figure 4.4 

and Figure 4.8. 

4.3.1 Working Electrodes (WE) 

A range of working electrodes of different size and shape were used for a specific 

experiment need or to fit in the different electrochemical cells (Figure 4.4 and Figure 

4.8). Three types of electrodes were employed:  

Metrohm® Pt disc electrode (Figure 4.9) (3mm diameter, 0.07cm
2
 area) was used in 

the Metrohm® cell (Figure 4.4).  

 

Figure 4.9 Schematic diagram of macro-electrode Metrohm
®

 Pt disk  

For bulk electrolysis experiments, a larger area than the Metrohm
®
 Pt electrode was 

employed. Furthermore, the Metrohm
®

 electrodes would not fit into the lager cylindrical 

shape cell (Figure 4.8a), hence other electrodes were constructed. First, a large area 

macro-electrode, a flag electrode, was constructed in the following manner. A bare Pt 

wire of 99.9% purity was welded to a ~3cm
2
 area Pt foil; the foil was then folded 

around the wire. The welding point was covered with non-conductive epoxy to avoid 

any contamination and/or interference of the welding material with the reaction of 

interest on Pt. A Pt wire electrode with flattened end (~3cm
2
) was also used in the bulk 

electrolysis.   

Medium area macro-electrodes were constructed for the high pressure experiments. 

Platinum wire of 99.99% purity and 0.3mm or 0.5mm diameter (area 0.07cm
2
, and 

0.6cm
2
 respectively) was soldered to a conducting wire and the latter was soldered to a 

gold coated pin (Figure 4.10) for convenient connection to the potentiostat electric 

attachment. The Pt wire was then cleaned and inserted in a glass tube. The desired area 

of Pt electrode was left out of the glass tube. The end part of the tube was then melted 

using a gas torch around the Pt wire, so that the exposed area, which determines the area 

of the working electrode, is insulated from the soldered point.  
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Figure 4.10 Schematic diagram of the home-made working electrode: Pt wire electrode. 

A third type electrode, a near micro-size working electrode, was also made. A 

platinum wire of 99.9% purity and 100µm or 300µm diameter was soldered to a 

conducting wire then to a gold coated pin (Figure 4.11). This was then inserted in a 

glass tube and filled with a non-conductive epoxy then left to dry overnight. Once the 

epoxy was set, the glass tube end was polished with silicon carbide grinding papers 

from Buehler-Met® with successively smaller particle size (15µm, 6 µm, 3 µm and 1 

µm) until a mirror-like finish was obtained; it was, then washed with ethanol (C2H6O)  

to remove traces of the polishing material. The glass tubes were fitted into the 

Metrohm
®
 cell through a rubber septa seal (Suba-Seal

®
) or connected directly to the 

electrode fittings of the Parr
®

 vessel. Palladium wire (99.99%, 2.56cm
2
) was also used 

as a working electrode.  
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Figure 4.11 Schematic diagram of a near micro- size electrode 

Prior to experiments the Pt working flag and wires were flamed with a gas torch, then 

immersed in concentrated hydrochloric acid then peroxide, finally, washed with 

deionised water. The Pt disks were polished with aluminium oxide (0.3µm particles 

size) Metrohm
®
 polishing kit then rinsed thoroughly with deionised water. 

4.3.2 Counter Electrodes (CE) 

Different counter electrodes were used in this project to fit in the different cells (Figure 

4.8). Metrohm
®

 glassy carbon electrode (Figure 4.12) was used a counter electrode in 

the Metrohm
® 

cell. For the cylindrical shape cell (Figure 4.8a), a Pt flag electrode was 

constructed by the same technique as described in the previous section (Section 4.3.1). 

For the high pressure experiments, a Pt mesh of 99.9% purity (ca. 20 cm
2
) was used 

instead of Pt foil. 

 

Figure 4.12 Schematic diagram of Metrohm
®

 glassy carbon electrode (2D drawing) 
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All Pt CE used in the bulk electrolysis were isolated in a separate compartment (glass 

tube) ending in a fine glass frit. The glass frit was attached to the tube using PTFE heat 

shrink. 

4.3.3 Reference Electrodes (RE) 

Two different reference electrodes were used in the experiments: a saturated calomel 

(         ) electrode (SCE) and a silver/silver chloride (Ag/AgCl) electrode. These 

electrodes, often used in practical measurements, are considered secondary type 

reference electrodes which are conventionally referenced against a primary electrode 

(standard hydrogen electrode SHE). 

4.3.3.1 Standard Hydrogen Electrode (SHE) 

The standard hydrogen electrode (SHE) is a primary electrode against which relative 

half-cell potentials are conventionally reported. The SHE consists of a platinised 

platinum electrode (platinum black) immersed in a proton rich solution (1M). Hydrogen 

gas, at a pressure of 1 atm, is bubbled over the platinum electrode and the following 

potential equilibrium is established: 

                   Reaction 4.1 

It is important to note that although the SHE is the universal reference standard, it exists 

only as a theoretical electrode used as an arbitrary reference with a temperature 

independent, half-cell potential of 0 volt. The zero potential convention was based on 

the assumption that protons are at unit activity. However, in practice a unit activity of 

protons is not physically attainable under such conditions (1M concentration) (Sawyer 

& Roberts 1994)(P. H. Rieger 1994) .  

For practical measurements, secondary reference electrodes are used. A practical 

secondary reference electrode should be easily and reproducibly prepared. It should also 

relatively inexpensive, and stable over time. Two electrodes, saturated calomel 

electrode (SCE) and silver/silver chloride (Ag/AgCl) electrode, meet these requirements 

and are used in this work.  
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4.3.3.2 .Saturated Calomel (         ) Electrode 

(SCE) 

Figure 4.13 illustrates SCE electrode, constructed by Russel®, used in the atmospheric 

(1bar) experiments. The SCE is based on the interaction of elemental mercury (Hg) and 

mercury I chloride in saturated potassium chloride (Cl
-
) solution: 

                          Reaction 4.2 

The SCE potential is +0.242V vs. standard hydrogen electrode (SHE) at 25ᵒC. This 

standard potential refers to unit activity for all species including chloride (Cl
-
) ion. In 

practice, it is often convenient to use a saturated KCl solution as a filling with a few 

crystals of solid KCl present in the electrode to maintain saturation, so that, the chloride 

(Cl
-
)  ion concentration is held constant ( P. H. Rieger 1994).  

 

Figure 4.13 Schematic diagram of Russel
®

 saturated calomel electrode (SCE) 

4.3.3.3 Silver/Silver Chloride (Ag/AgCl) Electrode 

Figure 4.14 depicts a schematic diagram of the Metrohm® Ag/AgCl reference electrode 

used in the atmospheric pressure (1bar) experiments. The Silver/Silver chloride 

(Ag/AgCl), is one of the most reproducible and reliable reference electrodes and most 

regularly used for the simplicity of its design, convenience of use, and nontoxic 

components (Zoski 2007). 
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Figure 4.14 Schematic diagram of Metrohm
®

 Silver/Silver Chloride electrode (2D 

drawn) 

The electrode is made by chlorinating, a process whereby silver wire, immersed in 

aqueous potassium chloride solution, is electrochemically coated with a thin layer of 

silver chloride (P. H. Rieger 1994). The potential of Ag/AgCl, equipped with 3M 

potassium chloride solution, is +0.222V vs. SHE (298K) (Inamdar et al. 2009).  

                     Reaction 4.3 

The potential is calculated by the Nernst equation (Eq. 4.1): 

                 
  

  

 
       

Eq. 4.1 

 

The potential of Ag/AgCl is a function of the chloride ions Cl
-
 activity (this is related to 

the concentration of these ions). Thus, the voltage of the electrode varies with KCl 

solution concentration (e.g. the Ag/AgCl potential is ~10mV more negative in saturated 

KCl than in 3M KCl). 

The commercial SCE and Ag/AgCl electrodes are not suitable for high pressure 

measurements. Thus, it was necessary to fabricate a pseudo Ag/AgCl reference 

electrode for this purpose. A pseudo reference electrode is usually a wire immersed in a 

sample solution. This type of electrode provides a constant potential; however, the 

reference potential is unknown since it is dependent on the solution composition.  As 
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described above this type of electrode is usually constructed by electrochemical 

chlorination. Among the various chlorination techniques, electroplating was chosen for 

simplicity and availability of the materials. The Ag/AgCl electrode is prepared by 

electrolytic hydrolysis coating of a silver wire. According to Ives et al, the process 

requires the immersion of a silver wire in a dilute hydrochloric acid solution (0.1 M) 

and a platinum wire is used as a cathode. Upon the passage of an electrical current, 

through the two wires, at a rate of 10mA/cm² anodic biasing for half an hour, the silver 

wire should turn light grey, then to a dark grey signifying a successful coating process. 

The newly coated electrode is then rinsed with deionized water and left to soak in a 3 M 

KCl solution overnight to allow the potential to stabilize (Ives 1961).  

The electrode was prepared by the above described procedure. For that, a 1mm diameter 

silver wire was cleaned with 1200 grit silicon carbide grinding papers from Buehler-

Met
®
, then wiped with ethanol (C2H6O) to remove any oxide layers on the surface 

followed by ample rinsing with deionised water. The silver wire was then positioned 

carefully to have a length of 30 mm immersed into the acid solution. This gives ca. 0.95 

cm² area, hence the silver wires would require 9.5 mA current source. Finally, the silver 

wire was coated using a 0.1M HCl solution. A short lived purplish grey colour was 

formed which then turned into light grey. The wire was rinsed with deionised water and 

inserted into 3M KCl solution. The potential of the prepared pseudo Ag/AgCl electrode 

was tested against the commercial Russel® SCE (which is kept for calibration 

purposes). The two electrodes were immersed in 3M KCl solution and a potential 

difference of 42.5 ±0.1mV was measured by a voltmeter. The measured voltage 

deviates (from the literature potentials reported above) by 22.5±0.1mV. This is 

considered within acceptable range (Sawyer & Roberts 1994). Silver salts are photo-

sensitive so light inevitably has an effect on the reference potential (Ives 1961). Hence, 

the pseudo reference electrode was stored in AMBER glass vials. The effect of ionic 

species contamination from this electrode into the electrolyte of interest is reported in 

Chapter 7. The pH meter used to adjust the acidity of the electrolytes has an accuracy of 

±0.01. 

4.4 Reagents 

All the chemicals used in this project were purchased from Sigma-Aldrich unless otherwise 

mentioned. Electrolyte solutions of 0.5M potassium chloride KCl (Sigma Aldrich, 



 

104 
 

>99.99%) and pyridine (C5H5N)  (Sigma Aldrich, >99.9%) were purged for 10-45min 

with N2 (Energas, 99.99%) or CO2 (Energas, 99.9%).  The pH of the solution was 

adjusted using HCl (Sigma Aldrich, >99.99%). Deionized water (18.2 MΩ cm) was 

used for the aqueous electrolyte solutions preparation. The electrolyte consisted of a 

solution containing pyridine (C5H5N) in aqueous 0.5M KCl as the supporting 

electrolyte. For the effect of pH study, adjustment of the pH was performed by the 

addition of 0.1M hydrochloric acid.  

4.5 Product Analysis by Gas 

Chromatography-Mass Spectrometry 

(GCMS) in Selected Ion Monitoring (SIM) 

Mode 

The products of the bulk electrolysis were analysed for the alcohol content including 

methanol (CH4O), ethanol (C2H6O), isopropanol (C3H8O) and butanol (C4H10O). 

Calibration samples were prepared in aqueous pyridine-containing solutions and 

analysed by a Hewlett-Packard
®
 gas chromatograph HP-6890 connected to a Hewlett-

Packard
®
 mass spectrometer HP-5973. Helium (99.999%) was used as the carrier gas.  

4.5.1 Method Development 

4.5.1.1 Column Selection 

The primary goal of column selection was to detect and quantify semi-volatile 

substances such as methanol in aqueous solvent. Sensitivity, selectivity, and high 

resolution separation and quantification of analytes were sought.  

Wall-coated capillary columns of different brands with a variety of phases and 

dimensions were initially considered. A Porous Layer Open Tubular PLOT (Agilent
®
 

HP-PLOT-U, 30 m × 0.32 mm, 20μm) column was initially selected and used for the 

head space gas chromatography (HSGC) analysis described in Section 4.5.1.4.1.  

The Agilent
®

 HP-PLOT-U column consists of bonded divinylbenzene/ethylene glycol 

dimethacrylate coated onto a fused silica capillary. Due to the high molecular weight of 

the stationary phase particles (130 gmol
-1

/198 gmol
-1

) and the relatively large film 
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coating thickness, the particles dislodge from the column and flow downstream; this 

may result in flow restriction and detector contamination. Headspace gas 

chromatography (HSGC) analysis on this column caused the interference of “ghost” 

peaks with the target analytes. Thus, the identification and quantification of the alcohol 

was hindered although the precise reason for this issue is unclear.  

Thus, the Agilent
® 

HP-PLOT-U column was replaced by a Restek
®
 (Rt

®
-Q-Bond, 30m 

×0.25mm, 8µm) with similar stationary phase but a thinner coating film. Rt
®
-Q-Bond 

column proved to be the best column that could fulfil all the needs of the method, i.e., 

higher sensitivity, shorter runtime and higher resolution between analytes without the 

“ghost” peaks. 

4.5.1.2 Standard Sample Preparation 

The standard samples were prepared in aqueous 0.5M KCl solutions using deionised 

water resistivity of 18.2 MΩ cm and containing (0.791g/l, 10mM) pyridine (C5H5N). 

Stock solutions of 5000µg of alcohol/l were prepared at room temperature; the standard 

calibration concentrations are shown for each set of analysis (Figure 4.26). The standard 

solutions were transferred in 4ml vials and sealed with Teflon-coated septum caps. For 

liquid injections the vials were filled to ~4ml. However, for the headspace analysis the 

vials were filled to 3.5ml. This volume represents the optimum liquid volume at which 

the concentration of the alcohol in the headspace is at maximum as shown below by 

calculations of the partitioning of the analyte between these two phases. The portioning 

behaviour is often reported in terms of dimensionless Henry’s constant or partition 

coefficient. This is defined as: 

    
  

  
 

Eq. 4.2 

 

          is the dimentionless Henry’s constant or gas/liquid partition coefficient, Cg 

the gas phase concentration, Cl the liquid phase concentration (Teja et al. 2001) (Gupta 

et al. 2000) 

Calculation of analyte concentration in the headspace and in liquid phases was 

performed using Eq.4.2. The partitioning behaviour of methanol in aqueous solutions is 

an important factor for estimating its concentration in the headspace for the present 

analysis. Henry’s constant of methanol was calculated at different temperatures as part 
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of headspace gas chromatographic analysis (Teja et al. 2001) (Gupta et al. 2000). The 

equilibrium temperature for HS analysis of low molecular weight alcohols ranges 

between 40ᵒC and 60ᵒC (Teja et al. 2001). Equilibrium tests of identical vials content 

have shown that an optimum of 60ᵒC at minimum of 20min is required. At 60ᵒC, 

dimensionless Henry’s constant,    , was reported at 10
-3

 (Teja et al. 2001). At 

equilibrium the mass balance is written as: 

 

    
              

 

Eq. 4.3 

 

where   
  is the initial concentration of methanol,    is the initial volume of methanol in 

the liquid phase,    is the equilibrium concentration of methanol in the liquid phase,    

is the equilibrium concentration of methanol in the gas phase (headspace) after 

equilibrium is attained, and the    is the volume of the headspace. The concentration of 

methanol in a standard sample of   
          is considered for illustration purpose. 

The equations Eq.4.2 and Eq. 4.3 are solved for Cg (Eq.4.4) and potted in Figure 4.15. 

 

                     Eq. 4.4 

 

The volume of the liquid phase was taken as 3.5ml (Figure 4.15). The concentration of 

methanol in the headspace is 99.98% of the total concentration at 3.5ml. Higher volume 

proved impractical for HS sampling as liquid contamination was an issue. 
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Figure 4.15 Equilibrium concentrations of methanol in the headspace as function of the 

initial liquid samples volume 

4.5.1.3 Identification of the Target Compounds 

Qualitative identification of each analyte was performed on full scanning mode so as to 

obtain the mass spectrum corresponding to each analyte. The identification of each 

alcohol was based upon the characteristic mass spectrum of the peak of interest 

compared with the mass spectrum of an authentic compound. The mass spectrum of 

isopropanol (C3H8O) is given as an example (Figure 4.16); all other mass spectra are 

given in the Appendix D4.  

 

Figure 4.16 Mass spectrum of isopropanol (C3H8O) 
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The characteristic ions selected for SIM scanning mode was based on the most abundant 

fragment ion of each compound (Table 4.1). The ions 31, 56, 45 and 79 were selected 

for methanol, butanol (C4H10O), and pyridine (C5H5N) respectively. Since the selected 

31 ion, is the most abundant fragment ion for both methanol and ethanol (C2H6O) and 

the ion 45 represents an ion fragment of both ethanol (C2H6O) and isopropanol 

(C3H8O), the latter ion (45) was selected for both alcohols.  The elution time for each 

the compound was also determined as illustrated in the chromatogram Figure 4.17. 

 

Table 4.1 Compounds with their most abundant ions 

Compound  Most  

Abundant  

Ions 

Selected Ions 

for SIM 

Analysis 

Methanol (CH3OH) 31 31 

Ethanol (C2H6O) 31 45 

Isopropanol (C3H8O) 45 45 

Butanol (C4H10O) 56 56 

Pyridine (C5H5N) 79 79 

 

Errors were minimised throughout the entire procedure by rigorous cleaning of the 

syringes used for injection, and the column was flushed out before any measurements 

(blank run were performed prior injections).   

 

Figure 4.17 Chromatogram of methanol, ethanol, isopropanol, butanol, and pyridine 

peaks and their corresponding elution time  
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4.5.1.4 Optimisation of the SIM GCMS Operating 

Conditions  

Selected Ion Monitoring (SIM) provides specific compound detection, by selecting the 

characteristic ion as described in the previous section, with very high sensitivity. The 

thermal gradient mode of operation enhanced the signal-to-noise ratio and allowed 

better analysis. 

 

 

Figure 4.18 Chromatograms of methanol (500µg/l, 5ppm) run on (a) method 1 and (b) 

method 3 described in Table 4.3. 
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The methods in Table 4.3 were tested with standard samples containing methanol in 

aqueous solution prepared as described in section 4.5.1.2 (samples preparation). The 

chromatograms of four methanol samples were run with method 1 and method 3, for 

which the operating conditions are summarised in Table 4.3 and plotted in Figure 4.18a 

and b respectively. In method 1, the temperature was fixed at 130ᵒC, while in method 3 

a thermal program was employed. The thermal gradient method (method 3) clearly 

showed better sensitivity than the method 1. This is demonstrated by the peak 

heights/area difference of nearly one order of magnitude for the same sample (Figure 

4.18). However, method 3 results in considerable peak tailing which affects the 

quantification of the target compounds. 

Table 4.2 Headspace (HS) selected ion monitoring gas chromatography (SIM GC) 

initial conditions for the method development 

Sample 

Number 

Thermal 

Gradient 

°C/Min 

Pressure 

psi 

Initial 

Temp 

°C 

Temp 

holding 

time 

/Min 

Solvent 

Time 

Delay 

/Min 

302 20 4 40 0.5 0.5 

304  20 4 50 0.5 0.5 

308 20 2 40 1.5 1.5 

310 30 2 40 1.5 1.5 

318 20 2 50 1.0 1.0 

 

In the SIM method, each of the GCMS parameters affects the elution time, shape of the 

peak, and the signal-to-noise ratio. Therefore, the method development necessitates 

optimisation of these parameters. For instance, the pressure of the carrier gas affects the 

height and the retention time of the peak. Samples-304 and 318 containing methanol 

and ethanol (C2H6O) were run at 4psi and 2psi respectively (Table 4.2).  
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Figure 4.19 Effect of pressure on the peak height and retention time of air (first peak) 

and methanol (second peak) 

Increasing the pressure by a factor of 2 increases the peak height approximately two 

times as well (Figure 4.19). Moreover, the initial temperature applied to the column 

affects the GC response; the peak height of sample-302 is enhanced at 40ᵒC and 

retained longer (0.5seconds) compared to the sample-304 peak height, which was run at 

50ᵒC (Figure 4.20) but otherwise under the same conditions (Table4.2). However, 

sample-302, run at the lower initial temperature resulted in a slight peak tailing.   

 

Figure 4.20 Effect of initial column temperature on peak height and retention time of  

 methanol 
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The heating increment also affects the peaks shapes. Samples 308 and 310 were run at 

identical conditions with the exception of the initial column temperature. Sample-308 

was run at 20ᵒC/min and sample-310 at 30ᵒC/min (Figure 4.21).  

 

Figure 4.21 Effect of the initial column temperature on methanol peak shape  

At the latter condition, 30ᵒC/min heating increment, the resulting peak has no tailing as 

compared to 20ᵒC/min; the peak in this case is also 1.5times narrower. The GC 

conditions investigated in the method development and are illustrated in Appendix D5, 

Table D1.  

All the samples to be analysed contain the aromatic amine, pyridine (C5H5N), which has 

a long elution time of 11.4±1.1 s comparing to the target analytes: methanol, ethanol 

(C2H6O), isopropanol (C3H8O), and butanol (Table 4.6). The high concentration of such 

compounds (0.791g/l) was accumulated in the capillary column when low initial 

temperature was set at 40ᵒC; this caused an overload of the column. Hence, the column 

was freed from the amine which caused an interference with the subsequent injection. 

The carryover was eliminated by extending the total time beyond pyridine (C5H5N) 

elution time to 30min.  
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Table 4.3 GCMS Manual Headspace Methods 

METHOD 

NUMBER 

OVEN RAMP TEMP PRGM INLET 

TEMP 

(ᵒC) 

AUX 

TEMP 

(ᵒC) 

PRESSURE 

(Psi) 

SPLIT/SPLITLESS 

MODES 

SOLVENT 

DELAY 

(min) 

RUN 

TIME 

(min) 

Method 1 HEAT 

GRADIENT 

TEMP HOLD 

TIME 

150 150 2 SPLIT 2.0 5 

- 130ᵒC 5.0 

- - - 

Method 2 HEAT  

GRADIENT 

TEMP HOLD 

TIME 

170 170 4 SPLITLESS 4.0 11 

- 50ᵒC 1.5 

30ᵒC/min 140ᵒC 7.0 

Method 3 HEAT 

GRADIENT 

TEMP HOLD 

TIME 

170 170 2 SPLITLESS 4.5 21 

- 40ᵒC 1.50 

30ᵒC/min 140ᵒC 2.00 

30ᵒC/min 170ᵒC 13.0 

 

INLET TEMP: Inlet temperature 

AUX TEMP: Auxiliary temperature 

OVEN RAMP TEMP PRGM: Column ramping mode temperature program  
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4.5.1.4.1. Headspace (HS) Method: Optimisation 

The manual headspace method was optimized in such a way that maximum amount 

possible of the analyte present in the liquid sample gets into the headspace for the 

detection. For this the standard sample vials and the manual gas tight syringes were 

heated at 40–60°C for 25–60 min. A combination of sample vial heating at 60°C for at 

least 25 min in order to reach equilibrium was found to be suitable for getting a good 

response. The heating was limited to 60°C as this was the temperature limit the manual 

syringes can withstand. Errors were minimised by the use of the same manual gas 

syringe of 20µl for the HS injections. Care was taken to consistently repeat the injection 

procedure. The vials were filled to the same liquid volume (this was described in 

Section 4.5.1.2). The syringe was heated to the same temperature as the vials (60°C) 

and was cleaned regularly to remove any compound residue. Method 3 described earlier 

in the method development section was optimised, since the target analyte peaks in 

Figure 4.18b needed width reduction and tailing minimisation. The optimised GCMS 

parameters are summarised in Table 4.4. 

Table 4.4 HS SIM GCMS operating conditions 

Operating Conditions of HS GCMS  

Oven temperature program 

Initial temperature 

Hold time 

Thermal gradient 

Final temperature 

Total time 

Inlet temperature  

Inlet  

MS Source temperature  

MS Quad temperature  

Aux temperature  

Column flow  

Column type 

- 

40°C 

1.5min 

20°C/min 

120°C 

30min 

150°C 

Splitless 

230°C 

150°C 

177°C 

0.5ml/min 

HP-Plot -U 

 

HS SIM analyses were performed in the following sequence: 

 1. First the blank run (air) is performed in SIM mode (monitoring fragment ion(s) 

characteristic of the target analyte to be detected) 

2. Then the sample to be analysed is injected in a minimum of three replicas  
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3. Virtual run (no injections) is frequently performed to allow any compounds 

remaining in the column to elute 

4. Then calibration samples are injected in a minimum of three replicas 

During the HS GCMS method development and early analysis, continual dislodging of 

the column particles and their flow downstream to the MS detector was found to have 

contaminated the MS.  This may have caused interferences in the detector leading to 

spikes. This is reflected in the appearance of ghost peaks. The presence of the ghost 

peaks presents two main issues. First, the appearance of these peaks affected the 

repeatability of the injections. Second, the ghost peaks were observed at the methanol 

elution time; this rendered the analysis difficult and lowered the accuracy of the 

quantification. 

The procedure of the HS method reliability assessment and the presence of ghost peaks 

investigation are as follows: HS injections in the full scan mode of 20µl air, which is in 

this case the blank sample, sampled with a Hamilton® gas tight syringe. The injections 

are performed on the same run for a convenient assessment of repeatability. The same 

procedure is performed with a calibration sample containing the target analyte. When 

reasonable repeatability of the both the blank and the calibration sample are obtained, 

both samples are then injected in SIM mode monitoring the ion fragment 31 on 

individual runs. The injection of the blank run on SIM mode usually confirms 

presence/absence of the ghost peaks. The persistent interference of the ghost peaks 

rendered the HS method unreliable and the conditions uncontrollable, hence the direct 

liquid injection method was considered.  

4.5.1.4.2. Direct (liquid) injection GCMS Method  

The method involved direct 3µl liquid injections sampled using Agilent® 10µl liquid 

syringes for the analysis of alcohols in aqueous pyridine-containing solutions. The 

detection of alcohols was carried out in SIM mode. A thermal gradient was chosen 

considering the higher sensitivity seen for this program during HS method development. 

An initial hold of 2 min at 40°C and a linear thermal gradient to 200°C at 30°C/min was 

found to result in the best peak shape and retention without affecting the resolution. The 

operating conditions are listed in Table 4.5. The method accuracy assessment, 

parameters such as repeatability, precision, specificity, linearity, limit of detection and 

limit of quantification were evaluated as indicated by the International Conference on 
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Harmonisation (ICH) guideline (ICH CH et al. 1996). The ICH of technical 

requirements for methods validation for registration of pharmaceuticals was chosen in 

view of the rigorousness of the limits set for assessing the accuracy of an analytical 

method and estimation of errors.  

 Table  4.5 SIM GCMS operating conditions for liquid injections 

Operational conditions of GC-MS  

Oven temperature program 

Initial temperature 

Hold time 

Thermal gradient 

Final temperature 

Total time 

Inlet temperature  

Inlet  

MS Source temperature  

MS Quad temperature  

Aux temperature  

Pressure 

Column flow  

Column type 

- 

80°C 

2min 

30°C/min 

200°C 

30min 

200°C 

Splitless 

230°C 

150°C 

200°C 

0.7ml/min 

7.93psi 

Rt-Q Bond 

 

4.5.1.4.2.1 System Specificity 

Samples were prepared with concentrations above the limit of detection (LOD) 

(described in Chapter 2 Section 2.8.6.5 and estimated in the next section) of methanol, 

ethanol (C2H6O), isopropanol (C3H8O), butanol and pyridine (C5H5N) in aqueous 

solution (NB. for analysis of trace compounds lower range calibration curve were 

constructed). The sample was chromatographed to examine the interference, if any, of 

the analytes peaks. The selectivity was assessed based on the resolution of compounds 

and their corresponding retention time (Figure 4.17). The retention time of all alcohols 

indicate that they were well resolved from each other and no interferences were 

observed (Table 4.6).  

Table 4.6  Retention time of the target compounds 

Target  

Compound 

Retention Time 

(min) 

Methanol (CH3OH) 4.5±0.45 

Ethanol (C2H6O) 5.9±0.59 

Isopropanol (C3H8O) 6.8±0.68 

Butanol (C4H10O) 9.5±0.95 

Pyridine (C5H5N) 11.4±0.11 
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4.5.1.4.2.2 System Precision and Repeatability 

Three standard solutions containing methanol at different concentrations of 500µg/l 

(0.5ppm), 2000µg/l (2ppm), and 5000µg/l (5ppm), were prepared and chromatographed 

in three replicas as shown in Figure 4.22.  

 

 

Figure 4.22 Repeatability of three injection replicas of three different methanol 

concentrations (a) 500µg/l (0.5ppm), (b) 2000µg/l (2ppm), and (c) 5000µg/l (5ppm) 

 

The area of each replica of the three GC peaks was calculated to assess the system 

repeatability. The integration of area under peak was performed using Origin
®
 8.  The 

calculated areas are represented in Table 4.7. The consecutive injections of each sample 

indicate an acceptable level of repeatability for the analytical system. The variation of 

<10% demonstrates an acceptable repeatability of the analyses. 
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Table 4.7 Calculated GC peak areas of standard methanol concentrations 

Standard 

concentration 

(µg/l) 

GC 

peak 

Area 

Mean Variation 

 

300 0.51 

0.56 

0.49 

 

0.52 

 

±0.04 

500 0.87  

0.89 
 
±0.02 0.90 

0.92 

2000 1.84  

2.06 
 
±0.19 2.15 

2.21 

5000 6.99  

6.50 
 
±0.42 6.27 

6.25 

 

4.5.1.4.2.3 Limit of Detection (LOD) and Limit of Quantification 

(LOQ) 

The LODs and the LOQs of the alcohols prepared in aqueous solutions were determined 

based on the signal-to-noise ratio as defined by ICH (refer to Chapter 2, Section 2.8.6.5 

and 2.8.6.6). The signal-to-noise ratio is calculated using Eq.2.76 (Chapter 2, Section 

2.8.6.5).  

 

Figure 4.23 Methanol Limit of Detection (LOD) 
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Figure 4.23 and 4.24 illustrate methanol peak at LOD and LOQ respectively. The height 

of the analyte peak of the chromatograph obtained was estimated at H=5 and H=12 for 

the LOD and LOQ respectively. The measure of the peak-to-peak background noise in 

the chromatogram obtained at half-height of the peak, h, was performed based on the 

signal observed over a distance of 20 times the width at half-height, h=4 for LOD and 

h=3 for LOQ. The LOD and LOQ are computed to a signal-to-noise of > 1:2 and 1:8 

which is within acceptable limit for estimating the detection limit.  

 

Figure 4.24 Methanol Limit of Quantification 

The LOD and LOQ were estimated in the same manner as described earlier for all the 

target analytes and are summarised in Table 4.8. The limit of detection was estimated at 

1:2 ratios for all target analytes, while the limit of quantification was estimated at 1:8 

ratio for methanol and ethanol (C2H6O) and at 1:9 and 1:10 ratios for isopropanol 

(C3H8O) and butanol respectively. 

Table 4.8 LOD and LOQ concentrations for target analytes 

Analyte LOD Concentration 

(µg/l) 

LOQ Concentration 

(µg/l) 

Methanol (CH3OH) 100 200 

Ethanol (C2H6O) 100 200 

Isopropanol (C3H8O) 100 200 

Butanol (C4H10O) 100 200 
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4.5.1.4.2.4 System Linearity: Standards Calibration  

The linearity of the method was determined by constructing a calibration graph of 

standard samples for each alcohol. The sample preparation, injections, and analysis 

were acquired and processed under identical conditions as described in above. Pyridine 

(C5H5N) was added (0.79g/l/10mM) for each standard sample as a reference compound. 

The GC response of this reference has the purpose of compensating the loss of the 

standard sample amounts during the preparation and injection. Injections of each 

standard sample over the range of limit of quantification of the standards concentrations 

were performed in three replicas and minimum of 5 concentrations. Typical butanol 

chromatographs of standard samples concentrations are shown in Figure 4.25. 

 

Figure 4.25 Chromatograms of butanol standard samples at 300, 400, 500 and 

1000µg/l 

Figure 4.26 shows the calibration graphs of the alcohols standard samples. The 

corrected GC peak area represents the ratio of the alcohol peak area to the reference 

peak area (pyridine (C5H5N)). The error bar were estimated from the average GC peak 

area of three injections replica for each concentration. The GC response is linear over 

the concentration range analysed for each alcohol as indicated by the correlation 

coefficient (R2) values (>0.999) (Figure 4.26). The concentration of the unknown 

alcohol (produced by electrolysis) was then determined from the linear regression 

equations in Figure 4.26 for each alcohol. This method has been successfully applied for 

the identification and quantification of methanol amounts and other alcohols in the 

electrolysis samples (Chapter 7). 



 

121 
 

 

Figure 4.26 Calibration graphs of the alcohols: (a) methanol, (b) ethanol, (c) 

Isopropanol and (d) butanol. A: is the corrected area of the relevant alcohol to pyridine 

area ratio. Error bars were estimated form repeatability of three injections replica for 

each concentration within each alcohol  

4.6 Numerical Simulations of Cyclic 

Voltammograms 

Cyclic voltametric simulations were performed using DigiSim
®
4.0 and DigiElch

®
 7.0 

software written by GAMRY
®
 Instruments. The software used incorporated diffusion, 

charge balance, coupled chemical reactions and electron transfer thermodynamics and 

kinetics. The coupled chemical reactions were characterised by their equilibrium 

constant and the forward rate constant. For the electrochemical process, the Butler-

Volmer kinetics model was used with an apparent reduction potential, E
0
, transfer 

coefficient,  , and heterogeneous electron transfer rate constant, ks as the model 

parameters. The equilibrium concentrations were calculated by the software according 

to the equilibrium constants and initial concentrations entered. The results of 

simulations and their discussion are presented in Chapter 6. 
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Chapter 5 Ionic Equilibria of Pyridine-

CO2 System  

The recent interest in pyridine (C5H5N) as an electrocatalyst for CO2 reduction has 

extended to its mechanism investigation. An important step of the process study is the 

determination of the ionic species concentrations in the system. As such, the 

calculations of these concentrations as function of pH and CO2 pressure of the system 

become necessary. In this Chapter, the interaction of pyridine (C5H5N) with CO2 is 

reported along with the calculated concentrations of the ionic species in this system at 

different conditions. The theoretical principles governing reactions at equilibrium in 

acid-base systems reported in (Butler 1991), (Bates & Vijh 1973) and (Hunter 1998) 

along with the CO2 equilibria studied by Lower,  Wang and co-workers (Lower 1999) 

and (Wang et al. 2010) are applied to determine the pyridine CO2 equilibria in aqueous 

systems. The ionic species concentrations of pyridine-strong acid and pyridine-CO2 

systems were numerically estimated using the equations determined for each system and 

solved using Matlab. These calculations are used in the voltammetric analysis and 

simulations described in the results Chapter 6 and for CO2 concentrations in Chapter 7. 

 

5.1 Calculation of Ionic Species 

Concentrations in Aqueous Pyridine 

Solution 

Pyridine (C5H5N) is a heterocyclic aromatic amine. Its nitrogen atom has a lone pair of 

electrons which are not part of the aromatic ring. When pyridine is dissolved in water, 

the nitrogen lone pair abstracts a proton from a water molecule; forming pyridinium, 

PyH
+
, and hydroxyl ions. This makes pyridine (C5H5N) a weak base with a pKb of 8.55 

at 20ᵒC (Polievktov, M. K; Mairanovskii 1965). 

                     Eq. 5.1 
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To calculate the ionic species concentrations in this system, the dissociation equilibria 

of the base (Eq.5.2) and water (Eq.5.3) must be taken in consideration: 

                   Eq. 5.2 
 

 

             Eq. 5.3 
 

Where         is the conjugate acid (pyridinium concentration), and      is the non-

protonated pyridine concentration. If C1 is considered the total concentration of pyridine 

initially added to the system, e.g. total moles of the base per litre of solution, the mass 

balance is:  

               Eq. 5.4 
 

And the charge balance of pyridine (C5H5N) in water is 

                  Eq. 5.5 
 

The equations (Eq.5.2) to (Eq.5.5) with four unknowns are simplified and rearranged in 

a polynomial form as shown below. The pyridinium        ion in equation (Eq.5.4) is 

replaced in equation (Eq. 5.2) and solved for its concentration: 

       
    

        
 

Eq. 5.6 
 

Solving equation (Eq.5.3) for hydroxyl anion and substituting together with (Eq. 5.6) in 

the charge balance equation (Eq.5.5) gives: 

  

     
 

    
        

       
Eq. 5.7 

 

 

Rearranging (Eq.5.7) gives the following cubic equation: 

             
                

          Eq. 5.8 
 

 

Eq.5.8 allows the hydroxyl ion concentration to be calculated at any given pyridine 

(C5H5N) concentration. Thus, the proton concentration present in this system can be 

estimated. 
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5.2 Calculation of Ionic Species in the 

Pyridine-Acid System  

5.2.1 Concentration of Pyridine Species in the 

Presence of a Strong Acid 

The addition of hydrochloric acid to pyridine (C5H5N) alters the charge balance 

equation (Eq.5.5); since the chloride concentration represents the total analytical 

concentration of the strong acid as result of the complete dissociation of the latter. 

Taking in account the added acid, the equation (Eq.5.5) becomes: 

                        Eq. 5.9 
 

where       is the concentration of the chloride. Since pyridine (C5H5N) protonation is 

reversible, it can be considered either as described above or as an acid (Ka=3.55 x10
-6

 at 

25ᵒC) (Polievktov, M. K; Mairanovskii 1965) with an equilibrium equation: 

               
   Eq. 5.10 

 

Solving Eq.5.10 for pyridinium        concentration and replacing in the charge 

balance Eq.5.9 gives: 

      
  

         
        

  

    
       

Eq. 5.11 
 

 

Simplifying Eq.5.11 and solving for       gives: 

            
               

             
  

            
 

Eq. 5.12 
 

 

The concentration of the added acid can be determined for any pyridine (C5H5N) 

concentration at a given acidity of the system using Eq.5.12. The combination of the 

acid amount added to the system with the pH of the solution at specific concentration of 

pyridine allows the ionic species concentration calculations. Solving Eq.5.10 for 

protons: 

     
      

  

         
 

Eq. 5.13 
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Substituting       in the charge balance Eq.5.9 

, together with hydroxide from Eq.5.3 gives: 

      
  

         
        

  

    
       

Eq. 5.14 
 

 

Simplifying Eq.5.14 gives: 

                                       
        

              

Eq. 5.15 
 

 

The addition of a strong acid such as hydrochloric acid to pyridine (C5H5N) disturbs the 

equilibria described above (pyridine in water). It not only increases the acidity of the 

system but also alters the cation to anion ratio. Eq.5.15 can be used to construct 

Pourbaix diagram at any pyridine concentrations. In this section, the Pourbaix diagram 

is constructed (using the Matlab
®
 script presented in Appendix C) for 10mM of total 

pyridine since this amount represents the most used concentration in this work. 

Moreover, equilibrium concentrations of all ionic species present in pyridine-strong acid 

system are calculated at the analytical pyridine (C5H5N) concentration range used in the 

experimental and simulation data in Chapter 6.  
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Figure 5.1  Ionic species equilibrium concentrations of protons and pyridine/pyridinium 

in 10mM of total pyridine concentration as function of pH in the range 0-7 (calculated 

data) 

The concentrations of pyridinium        and the non-protonated pyridine [Py] are 

equal at pH=pKa=5.45 at 25ᵒC (Figure 5.1). The pyridinium cations concentration 

becomes larger than the protons and non-protonated fraction at pH<pKa at pH range 2-

5.45; equating to the hydrated protons at pH 2 and levelling up to total concentration of 

the pyridine. In this range pyridine is nearly fully protonated. As the pH becomes more 

alkaline pyridinium deprotonates and regenerates the non-protonated fraction of the 

pyridine.  

In Chapter 6 (section 6.2.1), as part of the pyridinium voltammetric behaviour 

investigations, pyridine (C5H5N) prepared in aqueous electrolyte was titrated using 

hydrochloric acid to pH5.5. Hence, pyridinium concentrations at the analytical pyridine 

concentration range studied are tabulated herein (Table 5.1). At the 5 to 200mM 

analytical concentration range, pyridine can be considered half protonated at pH5.5 

since this is close to the pKa value as shown in Figure 5.1. 
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Table 5.1 Pyridinium and non-protonated pyridine (C5H5N) concentrations at pH5.5 for 

pyridine range 5-200mM of concentration (C) (calculated data) 

Concentration 

C1 (mM) 

Pyridinium 

[PyH
+
] (mM) 

Pyridine 

[Py] (mM) 

05 2.4 2.6 

10 4.7 5.3 

50 23.6 26.4 

100 47.1 52.9 

200 94.2 105.8 

 

Section 6.2.2 of Chapter 6 investigates the voltammetric pyridine (C5H5N) behaviour at 

different pH. The concentrations of pyridine/pyridinium species at total concentration of 

10mM are calculated at pH range 1 to 7 and tabulated (Table 5.2). At pH 2, pyridine is 

almost completely protonated, while, at pH8 the protonated pyridine fraction is 

negligible compared to the non-protonated fraction. 

Table 5.2 Pyridinium        and non-protonated pyridine [Py] concentrations in 0-7 

pH range in 10mM total pyridine (C5H5N) concentration (calculated data) 

 

  

5.2.2 Concentration of Pyridine and CO2 Species at 

elevated CO2 pressure 

Pyridinium behaviour was also investigated in the presence of CO2 at 1bar and elevated 

pressure and this discussed in Chapter 6. Hence, the concentrations of the ionic species 

are calculated in this section as function of CO2 pressure and the analytical pyridine 

(C5H5N) range used in the next Chapter. 

pH 

[PyH
+
] 

(mM) 

[Py] 

(mM) 

1 10.00 0 

2 9.996 0.004 

3 9.965 0.035 

4 9.657 0.343 

5 7.380 2.620 

6 2.219 7.260 

7 0.274 7. 802 

8 0.028 9.972 
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5.2.2.1 Hydration 

Dissolving CO2 in water forms carbonic acid H2CO3 by hydration reaction (Eq. 5.16): 

                   Eq. 5.16 
 

This step is slower than the ionisation of CO2. Carbonic acid is not taken into 

consideration in the acid-base equilibrium, since it is a neutral molecule. Thus, the acid 

concentration is not taken into account in the ionisation equation (Butler 1991) (Wang 

et al. 2010). 

5.2.2.2 Dissociation 

Carbonic acid is ionised to release bicarbonate ions     
  and protons H

+
: 

              
     Eq. 5.17 

 

Since H2CO3 accounts for a small fraction of CO2, independent of concentration and 

pH, it is usually neglected in calculations; the ionisation reaction is written as follows: 

                 
     Eq. 5.18 

 

The equilibrium constant of the first dissociation of carbonic acid/aqueous CO2 is: 

    
     

       

     
 

Eq. 5.19 
 

The second dissociation of bicarbonate ions ionise to give carbonate ion    
   at basic 

pH as illustrated in Pourbaix diagram (Figure 5.) 

    
            

   Eq. 5.20 
 

The equilibrium constant of the second dissociation of bicarbonate to carbonate ion 

   
   

    
    

       

     
  

 
Eq. 5.21 

 

 

The dissolution of CO2 in water depends on its partial pressure; this is expressed by 

Henry’s law: 

               Eq. 5.22 
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Where KH is Henry’s constant, [CO2] is in moles per litre, and PCO2 in atmospheres. This 

is applicable on the assumption that the activity coefficient of dissolved CO2 (in water) 

is unity. 

Table 5.3 Carbon dioxide constants at 20°C and 25°C (1 bar) (Butler 1991) 

Temperature 

(°C) 

pKH 

(mol/L.atm) 

pKa1(mol/L) pKa2(mol/L) pKw(mol/L) 

20 1.410 6.381 10.377 14.161 

25 1.470 6.352 10.329 13.999 

 

The interaction of pyridine (C5H5N) with carbon dioxide is a weak acid-weak base 

reaction. The first dissociation of carbon dioxide, described above, gives bicarbonate 

ions and protons; this results in the protonation of pyridine (C5H5N). The charge 

balance of this weak acid-weak base system is: 

                 
              

    Eq. 5.23 

 

In this work, only the first CO2 dissociation is taken in consideration since the pH range 

studied is less than 6. Thus the concentration of      
    is negligible and not taken into 

consideration in these calculations.Eq.5.19 is solved for bicarbonate ions 

     
   

            

    
 

Eq. 5.24 
 

Eq5.10 solved for PyH
+
 as function of protons 

       
    

  

       
 

Eq. 5.25 
 

 

Replacing Eq.5.24 and Eq.5.25 in the charge balance Eq.5.23 with the assumption of 

negligible carbonate ions gives: 

    
  

       
      

            

    
 

  
    

 
Eq. 5.26 

 

 

Simplifying and rearranging Eq.5.26 gives 

 

                
                   

             

        

Eq. 5.27 
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The resulting equation allows the calculation of the proton concentration (pH) of the 

system at any given concentration of pyridine (C5H5N) and calculated CO2 

concentration. In these equilibria equations, Henry’s law is not directly used since this 

law is not applicable at the conditions studied herein. Diamond and his co-worker have 

found that the assumption of the aqueous CO2 activity coefficient equal to unity (widely 

assumed in the literature) is only applicable at a solubility of around 2mol% (Diamond 

& Akinfiev 2003). These authors found that the activity coefficient and hence the 

solubility of aqueous CO2 is affected by the temperature and the pressure of the system. 

Correspondingly, a model was developed by these workers based on Henry’s law and 

thermodynamic considerations. The model was used herein in the calculations of CO2 

concentrations at 20ᵒC and 25ᵒC and various CO2 pressure and available at 

http://www.geo.unibe.ch/diamond/publications.php. The calculated CO2 concentrations 

are summarised in Table 5.4. These values were used in Eq.27 to calculate the acidity of 

the medium and the ionic species concentrations at different CO2 pressure (using the 

Matlab
® 

script presented in Appendix C). 

 

Table 5.4 CO2 concentrations (M) at different pressure at 20ᵒC and 25ᵒC (calculated 

using Diamond program) 

Temperature 

(ᵒC) 

Pressure (bar) 

1  6  10 45  50 55 

20 0.034 M 0.202 M 0.329 M 1.145 M 1.218 M 1.281 M 

25 0.029 M 0.176M 0.288 M 1.025 M 1.095 M 1.156 M 

 

The effect of CO2 (1.28M) introduction into an aqueous system containing pyridine is 

illustrated in Figure 5.2. The proton concentration increases as the total pyridine amount 

is decreased from 1M to 1mM (Figure 5.2). This decreases the acidity of the system by 

approximately 2.5pH units (from pH 5.76 at 1M pyridine to pH3.39 at 1mM). The 

proton amount decreases further by ~0.3pH unit at 10µM reaching pH3.12. 

http://www.geo.unibe.ch/diamond/publications.php
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Figure 5.2  Ionic species equilibrium concentrations of protons, pyridine species and 

carbonic acid in pyridine (10
-10

-1M) aqueous solutions at 20ᵒC and 55bar of CO2 

Lower than this concentration (C1 <10µM), the proton concentration (the pH) levels up. 

In the presence of high pyridine (C5H5N) concentrations CO2 dissolves more rapidly as 

the former plays the role of a base, stimulating the proton abstraction from dissolved 

CO2/carbonic acid to form pyridinium. At total pyridine concentrations lower than 

10µM, pyridine can no longer cope with the buffering effect of CO2 since the protons 

released by the latter exceeds the total concentration of pyridine added to the system. 

Hence, the total pyridine concentration of 1mM seems critical in that the pH of the 

acidity of the system is significantly altered in the presence of excess CO2. The 

electrochemical behaviour of pyridine at these conditions also differs depending on the 

concentration of this molecule in the system as will be discussed in Chapter 6. 

Table 5.5 illustrates the calculated ionic species concentrations using the 

thermodynamic model by Diamond and Akinfiev with >2% (standard deviation) 

(Diamond & Akinfiev 2003). The pyridine and CO2 interaction described herein 

together with the calculated concentrations in Table 5.5 are used to explain pyridine 

electrochemical behaviour in the presence of CO2 in Chapter 6. 
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Table 5.5  Species concentrations in 10mM of pyridine containing solutions saturated 

with CO2 at different pressure (1-55bar) 

Pressure 

(bar) pH 

HCO3
-

(mM) 

PyH
+ 

(mM) 

Py 

(mM) 

1 

6 

10 

45 

50 

55 

5.50 

4.93 

4.75 

4.27 

4.24 

4.22 

4.73 

7.68 

8.33 

9.44 

9.47 

9.50 

4.73 

7.67 

8.32 

9.38 

9.42 

9.44 

5.27 

2.32 

1.68 

0.62 

0.58 

0.56 
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Chapter 6 Pyridinium Behaviour at 

Platinum Electrode in the Absence and 

the Presence of CO2 

6.1 Introduction 

The controversy over the protonated pyridine (pyridinium, PyH
+
) role in the CO2-

pyridine system calls for further investigation. In this Chapter, the outcome of the PyH
+
 

behaviour both in an inert atmosphere (N2) and in the presence of CO2 is reported at 

atmospheric and elevated CO2 pressure. All voltammetric measurements herein were 

conducted at 20ᵒC referenced against a Ag/AgCl electrode for the atmospheric pressure 

experiments and against a pseudo Ag/AgCl electrode for high pressure measurements 

(the reference electrodes specification/preparation is detailed in Chapter 4, Section 4.3). 

6.1.1 Review of the CO2-Pyridine Mechanistic Picture 

As explained in Chapter 3 Section 3.1.2.3,  pyridinium was reported to have an 

electrocatalytic activity for CO2 reduction on a platinum electrode leading to methanol 

formation (The system history is reported in the Literature Review Chapter 3, Section 

3.1.2.3) (Morris et al. 2011). The methanol production was initially suggested to 

proceed via a multi-step process characterised by an EC
’
 catalytic type mechanism as 

illustrated in Figure 6.1 (EC
’
 catalytic type mechanism: E is the electron transfer 

reaction and C’ is the catalytic chemical reaction) (Barton Cole et al. 2010). The key 

step in the mechanism proposed involves a rapid pyridine (Py) protonation in acidic 

media (Reaction 1, C’), to generate the electro-active species, PyH
+
, which are one-

electron reduced on the electrode surface for subsequent formation of pyridinyl radical 

(PyH
*
) (Reaction 2, E). The charge transfer step has been suggested to proceed 

reversibly toward the electron/proton transfer agent formation, PyH
*
, which upon 

oxidation regenerates PyH
+ 

cation. This step leads to the redox wave observed at -0.58V 

vs. SCE. Upon the introduction of CO2 into the system, the same steps 1, 2 and 3 

(Figure 6.1) take place with an additional reaction (Reaction 4) coupled to Reaction 2. It 
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was suggested that in the CO2 presence, the PyH
* 

radical formed in Reaction 2 interacts 

with CO2 to generate a complex ‘CO2-bound carbamate’ intermediate (Reaction 4) 

ultimately leading to the alcohol formation. A current enhancement of the redox wave 

has been observed under CO2 as compared to under the inert atmosphere on Pt and Pd  

cathodes (Seshadri et al. 1994) (Barton Cole et al. 2010) (Morris et al. 2011). This 

observation was interpreted as an evidence of the CO2 activity. 

 

Figure 6.1 Bocarsly’s Model: Scheme of the initially proposed mechanism of 

pyridinium assisted CO2 reduction to methanol on Pt electrode. The key step of this 

mechanism is the radical formation (Reaction 2).(Barton Cole et al. 2010)  

The redox wave reflecting the single-electron charge transfer in pyridine-containing 

electrolyte has been observed on some other electrodes including Pd (Seshadri et al. 

1994), p-GaP (Barton et al. 2008), Pt/C-TiO2 (de Tacconi et al. 2012) and iron pyrites 

(Bocarsly et al. 2012). These reports have experimentally confirmed the electroactivity 

of pyridinium cation based on the redox wave seen. However, the cation was observed 

to discriminate cathode interfaces, since the glassy carbon electrode was reported to be 

inert toward pyridinium (Barton Cole et al. 2010). Consequently, the electrode surface 

role involvement in the reaction was suspected; this fact has stimulated several 

theoretical investigations which focused on the reduction potential calculations of the 

pyridinyl (PyH
*
)
 
radical formed in Reaction 2 (Figure 6.1). The suggested PyH

* 
radical 

intermediate was found unlikely to form at the experimentally observed reduction 

potential (-0.58V vs. SCE) as confirmed by the density functional theory (DFT) 

calculations (Keith & Carter 2012). The radical production was reported to occur at 
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least -0.6V vs. SCE more negative than experimentally observed on Pt cathode and at 

the conditions explored. Therefore, the calculations have ruled out the key step, radical 

formation, of the mechanism proposed. Further investigations aimed at understanding 

the underlying mechanism of such process followed. A theoretically derived mechanism 

for this system was presented by Barista and co-workers (Ertem et al. 2013). In addition 

to the catalytic activity of PyH
+
 cation, this route takes in consideration the catalytic 

role of platinum surface in the CO2-pyridinum reduction process. Pyridinium, formed 

by the protonation of pyridine (Reaction 1, Figure 6.1), in conjunction with platinum 

surface reduces by a single electron transfer to form a hydrogen-platinum hybrid (Pt-H). 

The Pt-H hybrid combines with CO2 in the presence of pyridinium and reduces to 

formic acid as follows: Pt-H + CO2 +PyH
+
 +e =Py + Pt+ HCOOH. 

 

Figure 6.2 Savéant’s Model: Scheme of the mechanism proposed of pyridinium catalytic 

role for HER in the presence of CO2 on Pt electrode. HA: acid (Costentin et al. 2013) 

A recent experimental study of PyH
+
 cation on a Pt cathode revealed some features 

similar to the weak acid behaviour on metal electrodes (Costentin et al. 2013). The 

PyH
+
 cation was reported to behave as any weak acid in aqueous solutions on Pt 

surfaces leading exclusively to hydrogen evolution reaction (HER). According to 

Costentin et al, the redox wave observed in acidified electrolyte under the inert 

atmosphere  (Seshadri et al. 1994) (Morris et al. 2011)
  
(Costentin et al. 2013) is merely 

the reduction of hydrated protons (H3O
+
) upon their diffusion to the electrode surface 

(Costentin et al. 2013) (NB in this Chapter, the hydrated protons (H3O
+
) are referred to 

as protons (H
+
) for simplification purposes). These authors have suggested an 

alternative EC’ mechanism (Figure 6.2) which according to them does not involve the 

reduction of CO2 at least at the cathodic potential reported. In such process, the protons 

(H
+
) are released by the acid, pyridinium in this case, as part of the fast PyH

+
 cation 
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deprotonation equilibrium in Reaction 1, Figure 6.2. The released H
+
 ions are then 

reduced to form molecular hydrogen (Reaction 2, Figure 6.2).  

Thus, the coupled reactions give rise to the redox wave observed. The enhancement of 

the amplitude of this wave under CO2 reported by the Bocarsly group (Barton Cole et 

al. 2010) was also observed by Costentin et al, but was explained by the latter authors as 

simply the increase of protons concentration as result of carbonic acid (H2CO3) 

formation (Reaction 3, Figure 6.2) and its subsequent dissociation (Reaction 4, Figure 

6.2). This interpretation together with NMR analysis of the CO2-pyridinium reduction 

products, which showed no sign of methanol, explicitly ruled out the catalytic role of 

pyridinium toward methanol production (Costentin et al. 2013). 

 

Figure 6.3 Bocarsly-Barista Model: Scheme of the newly proposed reaction pathways 

for the CO2-pyridinium reduction system on Pt electrode. HA: acid (Barton Cole et al. 

2014) 

More recently, the first group, the ‘Bocarsly group’ who originally reported the 

pyridinium-assisted CO2 reduction in collaboration with the ‘Batista group’ presented a 

new mechanism for methanol formation on Pt electrode. Based on the experimentally 

observed surface dependencies of PyH
+
 by the Bocarsly group and the theoretical work 

of the Batista group, the Pt electrode surface was suggested to play a key role in a 
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multistep CO2 reduction to methanol. The reaction step (a) in Figure 6.3 involving the 

Pt-H hybrid reaction with CO2-pyridinium reduction to formic acid, replaces the radical 

formation step (Reaction 2, Figure 6.1) in the old mechanism. In the new mechanism 

(Figure 6.3), the reduction of the CO2-pyridinium system was proposed to form 

methanol with 5-25% of the cathodic current contribution, while the remaining 75-95% 

goes toward the competing HER. 

The two mechanisms presented in Figure 6.2 and Figure 6.3 (Barton Cole et al. 2014) 

(Costentin et al. 2013), which reached divergent conclusions, are among the few 

experimental studies attempting to elucidate the mechanism of the CO2-pyridinium 

reduction system. Most other investigations were attempting the methanol production 

on different electrode materials (Boston et al. 2013) (de Tacconi et al. 2012) 

(Portenkirchner et al. 2014), (Zeng et al. 2014), Au (Lebègue et al. 2014) (Lucio & 

Shaw 2015)). Some of these have confirmed the methanol production and others were 

not able to detect any CO2 based products. In this work, the cyclic voltammetry (CV) 

studies were conducted for extended range of pyridinium and high CO2 concentration 

aiming at resolving the mechanistic picture.   

6.2 CV Studies in the Absence of CO2 

6.2.1 Cyclic Voltammetry of Pyridinium at Platinum 

Electrodes 

The role of PyH
+
 in the CO2 reduction process is of a critical importance in the 

mechanism investigation of such system; as it involves the interaction of both PyH
+
 and 

CO2 species. The latter induce some complexity to the system. Hence an 

electrochemical behaviour study of the PyH
+
 cation in the absence of CO2 becomes 

necessary.  

 

In the absence of CO2, the Bocarsly group suggested that the observed redox wave at a 

Pt electrode is due to the PyH
+
 reduction reaction (Reaction a3, Figure 6.3), coupled to 

the pyridine (C5H5N) protonation equilibrium (Reaction a2, Figure 6.3). While 

Savéant’s group have proposed, the H
+
 reduction as the electrode reaction (Reaction 2, 

Figure 6.2) coupled to the fast pyridine deprotonation reaction which is responsible for 
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the redox wave observed (Reaction 1, Figure 6.2). However, these latter authors also did 

not exclude a concerted electron proton transfer involving the reduction of PyH
+
 cation. 

Both groups, who studied the system for one pyridine concentration, agree that the 

process represents a diffusion controlled single electron transfer electrode reaction, 

where the pyridinium is the rate-limiting diffusing species. 

In order to investigate the mechanism pathways proposed by the two groups, CVs of 

pyridinium-containing electrolytes were collected under N2 atmosphere for various 

pyridine (C5H5N) concentrations (10-200mM) at scan rates ranging between 10mV/s 

and 2000mV/s (Figure 6.4). The pH was adjusted to pH5.5 by hydrochloric acid 

addition. For reference, the pH was chosen to be close to the pyridine pKa (5.45 at 

20ᵒC), the relationship between pH and pKa is illustrated in Figure 6.12.  

 

Figure 6.4 Scan rate dependence CVs of 10mM pyridine in 0.5M KCl (at pH 5.5) on Pt 

electrode (0.07cm
2
) at 10-2000 mV/s. Inset: Cathodic current as function of the square 

root of the scan rate (10-500mV/s). 

Figure 6.4 illustrates the CVs of 10mM pyridine obtained at different scan rates 10-

2000mV/s under N2 (other concentrations investigated in this work are presented in the 

Appendix D, Figure D1-4). Based on the analysis of the CVs conducted herein and by 

taking in consideration both electrode reactions in Bocarsly (Reaction a3, Figure 6.3) 
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and Savéant (Reaction 2, Figure 6.2) models, a set of reactions is proposed in this work 

(Scheme 6.1). Analysis of the dataset in Figure 6.4 and the datasets for other pyridine 

concentrations (Appendix D, Figure D1-4), was undertaken according to the diagnostic 

criteria which are outlined in Chapter 2 Section 2.8.1.2. These include the estimation of 

the redox potential (E1/2), the peak to peak separation, the evaluation of the anodic to the 

cathodic peak current ratio (  
    

  ) and the peak cathodic current variation with the 

square root of the scan rate (  
        . These criteria can only be assessed for an 

elementary electrode reaction independent or unaffected by any chemical reactions. 

Hence, the criteria can be applied for the current system provided the set of the reactions 

proposed in Scheme 6.1 would satisfy this condition. In other words, the chemical 

reaction (Reaction 1, Scheme 6.1) would have no effect on the electrode reactions. This 

is discussed further in the next sections. 

 Scheme 6.1 Set of reactions  proposed  in acidic solutions under N2 

 

           

                                 

                      

    

    

    

 

The redox potential (E1/2) of the CV wave, obtained at half value of the cathodic peak 

current (Ep/2) with n=1 (Eq.6.1), was examined at pyridine (C5H5N) concentrations 

(10mM, 50mM, 100mM and 200mM) and different scan rates (10-2000mV/s). At 

concentrations <50mM and scan rates <500mV/s the peak to peak separation is less than 

70mV, which indicates the system reversibility. Hence, an average redox potential was 

estimated at -0.56±0.01V at these conditions ([Py]<50mM and  <500mV/s). For all 

pyridine concentrations studied at scan rates above 500mV/s; the peak separation 

becomes higher than 100mV with stronger distortion observed for the larger 

concentrations (e.g. >150mV for 100mM pyridine, see Appendix D, Figures D1-4). 

This increase of the peak separation reflects the quasi-reversibility of the system at 

higher scan rates. The high peak to peak separation could be due to faster scan rates as 

compared to the pyridinium deprotonation equilibrium. At the most studied pyridine 

concentration in the literature (10mM), the redox potential of -0.56±0.01V was 

determined at peak separation of less than 70mV at <500mV/s. Higher than this scan 

rate results in an increased peak separation. These observations agree well with the 
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previous work at -0.58V (Barton Cole et al. 2010) and -0.57V (Costentin et al. 2013)  

for the redox potentials.    

                        ᵒ  Eq. 6.1 

Where Ep/2 is the peak potential at half cathodic current value, E1/2 is the redox potential 

and n is the number of electron transferred.  

The anodic peak current to the cathodic peak current    
    

   ratio was plotted as 

function of the scan rate (Figure 6.5). In the case of a reversible redox reaction, not 

coupled to any chemical reaction, the ratio   
    

  is supposed to be independent of the 

scan rate and approximately unity. Figure 6.5 suggests that this criterion is well satisfied 

at scan rates below ~250 mV/s. However, a gradual deviation from one is observed for 

higher scan rates. This could be due to the pyridinium deprotonation reaction effect on 

the electrode reaction. The symmetry of the anodic peak current to the cathodic peak 

current clearly indicates that the electrode reaction is independent and/or unaffected by 

any coupled chemical reactions or other processes below ~250 mV/s scan rates. This 

means that the deprotonation of PyH
+
 (Reaction 1, Scheme 6.1), coupled to Reaction 2 

in Scheme  6.1, is considered fast enough to remain at equilibrium and has no effect on 

the electrode kinetics (this is valid for the scan rates ~<250mV/s). This deduction is in 

line with the Savéant group’s analysis. As for the electrochemical electrode reaction 

(Reaction 3, Scheme 6.1), this can effectively be considered to have a minor effect on 

the protonation reaction (reverse of Reaction 1, Scheme 6.1) under the conditions 

explored in this work. This is also proposed by the Bocarsly group for the reason that 

PyH
+
 cations are the dominating species at pH 5.5 (Yan et al. 2014). Indeed, at such 

acidity, [PyH
+
]>>[H

+
] (e.g. At the lowest [Py]=5mM, [PyH

+
]=2.4mM while 

[H
+
]=3.16µM), thus the pyridine reprotonation by H

+
 has only a minor effect on the 

electrode Reaction 3 in  Scheme 6.1.  

Further analyses are depicted in Figure 6.4 inset. Figure 6.4 inset shows the cathodic 

peak current (  
  ) vs. the square root of the scan rate (   ) for 10-500mV/s range. The 

linear dependence of the reduction peak current   
  on the square root of the scan 

rate (  ) following from Eq. 6.1, indicates a diffusion controlled electrochemical 

reduction. This linearity diagnostic is demonstrated for 10mM pyridine (C5H5N) 

concentration. Other concentrations investigated in this work display good linearity 
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(refer to Appendix D, Figure D1-4) as reflected in the correlation coefficient (R
2
) which 

is close to unity (Table 6.1). 

 

Figure 6.5  The ratio of the anodic peak current to the cathodic peak current (  
    

 ) as 

function of the scan rate (mV/s) for the 10mM pyridine dataset under N2 

The Randles-Sevcik/Nicholson equation (Eq. 6.2 and theory Section 2.8.1.1.1) assumes 

a reversible charge transfer (Bard & Faulkner 2002). This can be applied at the scan rate 

range <500mV/s and at pyridine (C5H5N) concentrations ≤50mM, where the system 

behaves reversibly (as characterised above in E1/2 section).  

                             
   

  
      Eq. 6.2 

 

Where    is the current in amperes,   is the number of electrons, A is the area in cm
2
, 

   is the diffusion coefficient in cm
2
/s,   

         is the concentration of pyridinium 

in mol/cm
3
  and   is the scan rate in V/s 

The diffusion coefficient (DO) of pyridinium to the electrode was estimated by two 

alternative approaches, both involving the Randles-Sevcik equation (Eq. 6.2) for 

assessment of the data obtained; these values were then compared with theory and with 

literature values. In the first approach, the value of the linear gradient of the cathodic 

current   
  vs.     for a particular concentration (e.g. Figure 6.4 inset for 10mM 

pyridine) of the electroactive species,   
         was used for the estimation of DO. 
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The gradients, R
2
 and the calculated diffusion coefficient DO of the PyH

+
 species are 

summarised in Table 6.1 for three pyridine concentrations. In the second approach, the 

peak current was analysed as function of the species concentration for a fixed scan rate 

(current   
  vs.    

         plot). The values of DO extracted from the related linear 

gradient coefficient are presented in Table 6.2 for several scan rates.  

Table 6.1 Diffusion coefficient calculated at scan rates ≤500mV/s obtained from the 

plot of the cathodic peak current as a function of the square root of the scan rate  

            

Total 

Pyridine  

[Py] (mM) 

[PyH
+
] 

 (mM) 

R
2 

Gradient 

((mol. cm)/s
1/2

) 

Diffusion 

Coefficient 

DO (cm
2
/s) 

5 2.4 0.996 (1.29±0.03) x10
-5

 (9.09±0.03)x10
-6

 

10 4.7
 

0.999 (7.15±0.08) x10
-6

 (1.00±0.08)x10
-5 

50 23.6
 

0.997 (0.99±0.05) x10
-5

 (9.99±0.05)x10
-6 

Average    (9.97±0.06)x10
-6

 
[PyH

+
] (Calculated in Chapter 5 CO2 pyridinium equilibria) were estimated from the pKa (5.45 

at 20ᵒC) at pH5.5. The equilibrium constant was potentiometrically determined by the titration 

of 50mM pyridine in 0.5MKCl with 50mM HCl in the same salt (Polievktov, M. K; Mairanovskii 

1965). 

 

Strictly speaking, the applicability of Eq. 6.2 is limited to a linear diffusion on plane 

electrode. However, all the measurements presented in the present work were recorded 

on a cylindrical shape electrode (Pt wire, diameter=0.3mm, length 7 mm). For large 

enough diffusion time (or low scan speed), this geometry should be considered as a 

finite size electrode with a substantial convergent diffusion component, with an 

approximately a hemispherical shaped diffusion layer rather than a linear one (refer to 

Section 2.4.2, Chapter 2). In this case, the Eq. 6.2 requires correction for the spherical 

diffusion, which is accounted for by the second term of Eq. 6.3. The    
  vs.    

  plot 

equation is now effectively represented by Eq. 6.3 where the gradient (Table 6.2) of the 

plot has an extra contribution from the second term of Eq. 6.3.  

             
       

             

  
 

Eq. 6.3 

 

Where F is Faraday constant (96,484.6 C mol
-1

), r0 is an apparent electrode radius (of a 

value between the cylinder radius and height) 
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It is important to note that for the purpose of diffusion coefficient extraction, this 

correction applies only to the   
  vs.   

  plot (the second estimation approach). On the 

other hand, the estimation of the diffusion coefficient from the   
  vs.     (the first 

estimation method) does not require correction since the correction term (second term) 

in Eq. 6.3 is independent of    and it characterises the intercept value of the related 

linear dependence. Hence, for the latter case DO was determined from Eq. 6.2 and the 

gradients are summarised in Table 6.1. An average diffusion coefficient of pyridinium 

to the elctrode from this set is (9.97±0.06) x10
-6

 cm
2
/s. 

Table 6.2 Diffusion coefficient calculated at different pyridine concentration obtained 

from the plot of the cathodic current as a function of pyridinium concentration 

         
    

Scan 

rate 

(mV/s) 

R
2 

Gradient 

(x 10
-2

) 

Intercept 

(A) 

Diffusion 

coefficient  

DO (cm
2
/s) 

20 

30 

0.995 

0.993 

1.20±0.08 

1.41±0.06 

(3.04±0.08)x10
-6 

(1.67±0.07)x10
-5

 

(9.12±0.08)x10
-6 

(1.07±0.06)x10
-5

 

50 0.998 1.60±0.05 (3.21±0.05)x10
-5

 (1.11±0.05)x10
-5

 

100 0.992 2.50±0.03
 

(1.74±0.06)x10
-4

 (1.25±0.03)x10
-5

 

300 0.997 3.10±0.08 (4.00±0.08)x10
-4

 (1.09±0.08)x10
-5

 

Average    (1.09±0.15)x10
-5

 

Errors were estimated from the error in the gradient of the best straight line through the 

extracted peak current data points 

 

The alternative estimate for (an average) pyridinium diffusion coefficent of    

=(1.09±0.15) x10
-5

 cm
2
/s was obtained from Eq. 6.3 and the gradient of   

  vs.   
  plot 

summarised in Table 6.2. The average value corresponds to the concentration range 

≤50mM of total pyridine concentrations and for the scan rates range ≤500mV/s. The 

values estimated using the different approaches are close enough to each other. 

Moreover, the average values reported above agree well with the literature diffusion 

coefficient values (1 x 10
-5

 cm
2
/s) (Costentin et al. 2013) and (1.05 x 10

-5
) 

(Mairanovskii 1963) for PyH
+
 species. This confirms the diffusion controlled system of 

the species PyH
+
 to the electrode, which fits well with the peak current symmetry 

determined above at scan rates <500mV/s. 

The number of electrons, n, transferred for a reactant can be evaluated by cyclic 

voltammetry provided the diffusion coefficient of the electroactive species is known. 
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For the calculation of n in Eq. 6.2, a PyH
+
 diffusion coefficient value of 1x10

-5
 cm

2
/s

 

was taken (from Costentin et al. 2013 reference). The number of electrons, n, 

transferred in the charge transfer reaction of        was determined to be 0.79±0.09. 

This is in line with the electron value n=0.8 of (Yan et al. 2014). The calculated value 

n=0.79±0.09, indicates a single-electron transfer electrochemical reduction. This value 

is (unexpectedly) less than 1 which is probably due to the reduced diffusional peak 

current. The decrease in the diffusive peak current seems to be caused by the pre-peak 

feature observed in the CVs (Yan et al. 2013). The pre-peaks appear as shoulder 

preceding the pyridine usual wave these are more prominent at higher scan rates as 

illustrated in Appendix D, Figure D1. More importantly, these calculations further 

exclude the two-electron reduction of pyridine to DHP reported in the literature (refer to 

Chapter 3 Section 3.1.2.3). 

6.2.1.1 Summary of the CVs Analysis 

The criteria assessed herein were found to be applicable at limited scan rate and 

pyridine concentration ranges in acidic media under N2. Under these conditions, the 

observed redox wave was confirmed to be a one-electron reduction at redox potential of 

-0.56±0.01V, controlled by pyridinium diffusion. The data obtained is in good 

agreement with literature reports. The above analyses do not allow differentiation 

between the electrode Reactions 2 and 3 in Scheme 6.1. Indeed, the electrode reduction 

appears to be unaffected by the coupled PyH
+
 deprotonation, i.e. chemical Reaction 1 in 

Scheme 6.1, which can be interpreted as evidence of either the high deprotonation rate 

or of a dominant contribution of pyridinium. CVs simulation described in the next 

section, are expected to explain the data at the entire scan rate and pyridine 

concentration ranges.  

6.2.1.2 CVs Simulation: Model Under N2  

The CV curves were simulated assuming Butler-Volmer kinetics (see theory and 

methods Sections 2.7 and 4.6). Numerical CV simulation was initially conducted 

considering the simplest CE model (Scheme 6.2) (Costentin et al. 2013).  
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Scheme 6. 2 Model suggested by Constentin et al 

 

                                                

                                
                   

where     is the standard hydrogen potential,      is the standard heterogeneous rate 

constant,   transfer coefficient (see Butler-Volmer kinetics, Chapter 2 , Section 2.7),    

is the equilibrium constant of pyridine,    is the rate constant of protonation (g mol
-1

 s
-

1
), and       is the rate constant of deprotonation (s

-1
). 

The proton reduction (E) was simulated as a single apparent electrode reaction coupled 

to the deprotonation equilibrium of pyridine (C) (Scheme 6.2). Fitting the experimental 

CVs, using the CE model assumed above, resulted in a significant underestimation of 

the cathodic peak current (~>30%). The underestimation of the simulated current was 

more prominent at high scan rates and high pyridine concentrations. This current limit is 

set by the fundamental upper limit of deprotonation, given by the pyridinium rate 

constant (kdep in Reaction 1, Scheme 6.2), which is the product of the fastest protonation 

rate of 10
10

 s
-1

M
-1

 and the known equilibrium constant Ka = 3.5 x10
-6

  (Mairanovskii 

1963). 

Therefore, an alternative reduction process had to be taken into account to overcome 

this limit and to fit the experimental CV data. Direct reduction of PyH
+
 cations was 

added to the reaction in Scheme 6.3 as a second electrode reaction. This electrode 

reaction was considered as a concerted electron proton transfer (CPET). The redox 

potential of the two electrode reactions are related by Eq. 6.4 (Reaction 1 and 2, Scheme 

6.3). Eq. 6.4 was derived (Appendix A3) according to the Nernst equation (Yan et al. 

2013). 

 
        

     
  

      

     
            Eq. 6.4 

where  
        

     
 is the apparent standard potential of Reaction 2 Scheme 6.3 and 

 
      

     
 is the apparent standard potential of Reaction 1, Scheme 6.3 

Such electrode transfer reactions (Reaction 1 and 2, Scheme 6.3) are expected to 

reproduce the peak current of the experimental data.  The individual contribution of 

each of the parallel reduction routes should be affected by the total pyridine content and 

the acidity of the medium. In this model, HER is represented by the dimerization of 
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adsorbed hydrogen on Pt surface leading to dihydrogen formation (Reaction 3, Scheme 

6.3). The set of reactions, best describing the process, are presented in Scheme 6.3: 

Scheme 6.3 The initially considered model 

 

         

            
                    
            

             
             
             
             

 

The Reactions 1, 2, and 3 (Scheme 6.3) all involve atomic hydrogen which is adsorbed 

on platinum electrode. However, due to the complexity of the adsorption process these 

surface reactions were simulated with freely diffusing atomic hydrogen as shown in 

Scheme 6.4.  

Scheme 6.4 Model based on apparent reactions with freely diffusing hydrogen 

 

       

         

        

            

Apparent Reaction 1 

Apparent Reaction 2 

Apparent Reaction 3 

Reaction 4 

 

Hence, all simulation parameters for freely diffusing hydrogen atoms are purely 

fictitious and serve the purpose of hydrogen accumulation imitation and its transport 

away from the electrode (Scheme 6.4). The simulation of the true surface reactions 

(Reactions 1, 2 and 3 in Scheme 6.3) still does not provide an adequate model which 

reflects the real process. Indeed, under the experimental conditions of pyridine 

concentration and pH investigated, the reactions presented in Scheme 6.3 result in an 

excessive accumulation of molecular hydrogen in the vicinity the electrode surface, 

which far exceeds the hydrogen solubility limit (15mg per kg of water). In reality, this 

excess is balanced by H2 gas bubble generation. This nontrivial process would have to 

be also included in any realistic simulation.  
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Scheme 6.5 Model used for simulating the experimental CV data under N2 

 

                                           

                               
    
     

              

                    
    
     

                         

                        
                

    

    

    

    

The apparent model parameters were obtained by fitting the same experimental CV 

dataset presented in last section obtained for 10 mM pyridine (at different scan rates) 

prepared in acidic electrolyte at pH =5.5 (HCl adjusted), purged with N2. The 

equilibrium constants for the bulk chemical reactions and the kinetic parameters for the 

surface reactions used in the simulation are presented in Table 6.3. 

 

 

Figure 6.6 CV of Pyridine in 0.5 KCl solution at pH = 5.5. (top) 10mM, (bottom) 50mM at 10, 

100, and 1000mV/s . Experiment (a and c), simulation (b and d)  (Model of Scheme 6.5) 
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The simulation was undertaken according to Scheme 6.5. The standard redox potentials 

of the electrode reactions (Reaction 1 and 2, Scheme 6.5) are interrelated by Eq. 6.4. 

Figure 6.6 compares the simulated to experimental CVs of 10mM and 50mM pyridine. 

The simulated model (Scheme 6.5) fitted the experimental CV shapes reasonably well 

by reproducing the cathodic peak potentials (deviation of ~<15%).  

Table 6.3 Apparent chemical and kinetic parameters used in the CV simulations 

  Electrode 

reactions 

 
    

    
,  

    

    
,   , 

 ,   ,     

Coupled chemical 

reactions 

Scan 

rates 

(mV/s) 

Pyridine 

concentrations 

(mM) 

Scheme 

6.5 

 
    
    

and 

 
      
    

are related 

by Eq. 6.4 

         

           

             

        cm s
-1

 

 

10mV/s-

2000mV/s 

5mM-200mM 

Scheme 

6.7 

 
    
    

 and  
      
    

 

are reported in Table 

6.6 

         

           

             

       cm s
-1 

     
    

            
 
s

-1 

                 

 

10mV/s-

5000mV/s 

1mM-200mM 

a: literature value 

Figure 6.7 depicts the experimentally acquired and the simulated cathodic peak current 

as a function of the pyridine concentration range investigated in this study. The 

simulation model fitted well the experimental data at pyridine concentration 5-200mM 

and in the scan rate range investigated (Figure 6.7). The simulated cathodic peak current 

deviated by a maximum of 15% as compared to the experimentally observed cathodic 

peak current. This is fairly acceptable considering the reproducibility of the 

experimental CV data is ~ 10%.  

The simulation does not reproduce a characteristic feature of background current 

observed at high scan rate (1000mV/s) in experimental CVs (Figure 6.6). This feature 

was previously observed for weak acids and was associated with a hydrogen adsorption 

pre-wave (Yan et al. 2013). This background current was not reproduced in simulated 
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CVs, which is not surprising since the adsorption process was not included in the 

model.  

 

Figure 6.7 Cathodic peak current of CVs at different pyridine concentrations and scan 

rates in 0.5M KCl solution at pH = 5.5. Under N2. Circles - experiment, lines - 

simulation.  

6.2.1.3 Summary of the CVs Simulation Analysis 

To summarise, the analysis of the CVs data under N2 in acid-adjusted electrolytes on Pt 

electrode showed that the observed voltametric response can be well reproduced by 

simulation using the Scheme 6.5 model for the entire range of pyridine (C5H5N) 

concentrations and scan rates. The dependence of the voltametric wave on the acidity of 

the electrolyte is presented in the next section. 

6.2.2 pH Dependence Study of the Pyridinium System 

Further investigation of the pyridinium cation behaviour in acidic solutions was carried 

out with the aim of assessing the applicability of the model proposed in the last section 

(Scheme 6.5) to low pH range. Analysis of the CV waves revealed that pyridinium 
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behaves distinctively depending on the acidity of the medium. Three regions can be 

observed: 

(1)  At a basic pH (pH≥6), pyridinium gives rise to a diminished CV wave (pH~6) due 

to the low concentration of the cation (calculated in Chapter 2, Section 5.2.1) 

confirming the previously reported observations (Yan et al. 2013). As the pH is 

increased further the CV wave amplitude start weakening (~pH7) until it is not observed 

at all (refer to Appendix D, Figure D5).  

 

(2) At proton concentration [H
+
] lower than 1mM (3<pH≤5.5), the voltammetric 

response is observed as a redox wave at -0.56±0.01V (See Figure 6.4 and Figure 6.8). 

The latter Figure 6.8 shows experimental and simulated CVs of pyridine (10mM) at a Pt 

cathode between pH 5.3 and pH 2.0 adjusted using hydrochloric acid. The appearance 

of the redox wave at -0.56±0.01V applies to the conditions ([H
+
]=0.01mM at pH5.5) at 

which all the previous experiments/simulations were undertaken (in section 6.2.1). In 

this case, the Randle-Sevick analysis together with the model proposed in Scheme 6.5 

confirmed the diffusion controlled PyH
+
 reduction masking the H

+
 reduction reaction 

which coupled to the protonation reaction.  

 

(3) As the [H
+
] concentration is increased beyond 1mM (pH≤3), a new wave appears 

(experimentally) at more positive potential -0.43±0.01V (Figure 6.8a, line: black 

([H
+
]~10mM to violet [H

+
]~1mM) alongside the usual wave at -0.56±0.01V. The 

amplitude of the preceding wave observed at -0.43±0.01V is inversely proportional to 

the pH of the medium (i.e. it increases with concentration of H
+
). This proportionality is 

clearly seen in Figure 6.9a inset where the experimental peak current Ip (anodic and 

cathodic) of the wave appearing at low pH (-0.43±0.01V, pH<3) is plotted as function 

of the proton concentration [H
+
]. Figure 6.9 shows Ip of the two waves observed in 

Figure 6.8 vs. [H
+
]). The subsequent wave (-0.56±0.01V) peak current does not seem 

proportional to the pH variation on both cathodic and anodic peaks (Figure 6.9a) and is 

in fact independent of [H
+
] over the pH range 3-5.5. Instead, the cathodic current of this 

wave is linear with [PyH
+
] concentration (Figure 6.10). Hence, the voltametric 

behaviour points to the newly arising wave being due to H
+
 reduction (Yan et al. 2014) 

(Costentin et al. 2013)  and the subsequent wave to the PyH
+ 

reduction.  
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Figure 6.8 Cyclic voltamograms of 10mM pyridine in 0.5M KCl under N2 at 100mV/s. 

The acidity varies between pH 2.0-5.3. (a) experiment, (b) simulation. Horizontal 

arrows- scanning direction, vertical arrow- pH increment 

 

These observations indicate that the electrode reactions proposed (Reactions 2 and 3 

Scheme 6.5) are both contributing to the observed redox waves. In this case the H
+
 

reduction (Reaction 2, Scheme 6.5) is more prominent at high protons concentrations 

(1-10mM) as compared with the weakly acid electrolytes (3µM, pH5.5 in the previous 

Section 6.2.1).  

The system at such low pH is characterised by the diffusion of both species [H
+
] and 

[PyH
+
] to the electrode, which are also coupled by equilibrium Eq. 6.4. Therefore, the 

quantification of the diffusion coefficient parameter is complex since the previous 

Randle Sevick/Nicholson analyses do not apply under such conditions. The alternative 

approach is analysis using numerical simulation which is described in the next section. 
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Figure 6.9 Peak current of 10mM pyridine in 0.5MKCl at 100mV/s as function of 

protons concentration (a) experimental, (b) simulation. Inset: Peak current of protons 

as function of the proton concentration 

6.2.2.1 CVs Simulation  

The experimental data presented in Figure 6.8a and Figure 6.9a were numerically 

simulated (Scheme 6.5 model) at an extended pH range as shown in Figure6.8b and 

Figure 6.9b respectively.  The model in Scheme 6.5 has reproduced the CVs shape 

(Figure 6.8) and the current (Figure 6.9) within ~15% deviation. The new wave, 

observed in the high acidic electrolyte, was also reproduced starting from pH <3. This 

outcome together with the observations discussed above further confirms the model 

proposed (Scheme 6.5).  

 

Figure 6.10 Simulated peak current as function of pyridine concentration at pH1-7 
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Interestingly, the wave assigned to the proton reduction can only be observed in the 

presence of pyridinium. For instance, the CV of pyridinium-free acidic (HCl) solution 

did not display a proper redox wave. However, ambiguously, the proton reduction (in a 

supposedly pyridinium-free medium) was presented as a distinctive reversible 

voltammetric wave at pH 5.5 (Costentin et al. 2013) and at pH 2.3 ( Supplement data 

Yan et al., 2013) very similar to the wave obtained in the present work at ~10µM 

pyridine CV wave in Figure 6.11. The voltammetric measurements on Pt in acidic 

media showed that the proton electrochemical response does not show a well-defined 

reversible wave (Zhan et al. 2009) (Pletcher & Sotiropoulos 1994) (Priyantha & 

Malavipathirana 1996) which contradicts the former studies (Costentin et al. 2013) (Yan 

et al. 2013). Instead, the CV of protons shows broad features associated with hydrogen 

adsorption/desorption (Figure 6.11b) on a Pt surface. Thus, the -0.43V wave arising in 

the low pH region seems to be assisted by pyridine/pyridinium species. This can be well 

explained by the formation of Pt-H hybrid via the electro-desorption of pyridinium from 

the Pt surface:                        (Ertem et al. 2013). 

 

 

Figure 6.11 CVs under N2 hydrochloric acid (HCl) adjusted pH at 100mV/s: (a) CV of 

~10µM pyridine at pH 3, (b) CV with no pyridine at pH 5  

The behaviour of pyridinium in low pH media can be further rationalised in terms of the 

Pourbaix diagram (Figure 6.12) (species concentrations are calculated in Chapter 5, 

Table5.4). As can be seen in Figure 6.12, in the low pH region (<pH3) where the new 

wave (-0.43V) is seen, the concentration of pyridinium does not vary significantly. A 

considerable shift of the dissociation equilibrium (Reaction 1, Scheme 6.5) to regenerate 
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the protons occurs once the proton concentration close to the electrode is small. This 

behaviour is attributed to the proton reduction coupled to their rapid regeneration upon 

the dissociation of pyridinium (Costentin et al. 2013). The emergence of the new wave 

(-0.43V) is associated with the large equilibrium concentration of protons since the 

increase of the protons resulted in the build-up of this wave. Correspondingly, the PyH
+
 

cation reduction wave (-0.56V) emerges through the proton reduction once these cations 

are consumed at the level of the first wave. The set of reactions in Scheme 6.5 fits well 

the voltammetric observations obtained herein and this was further confirmed by the 

numerical simulations. The behaviour of pyridinium outcome is well in line with the 

literature. However, the emergence of CV wave in the absence of pyridinium reported 

by Savéant and Bocarsly groups is questionable. Contrary to what has been reported, the 

-0.43V of the waves assigned to proton reduction is only observed when 

pyridine/pyridinium is present. This observation indicates that the wave arising at -

0.43V, assigned to the proton reduction, is assisted by pyridinium and cannot possibly 

emerge independently. This suggestion is in line with the  pyridinium assisted H-Pt 

hybrid formation  (Ertem et al. 2013) 

 

Figure 6.12 Pourbaix diagram for 10mM analytical pyridine concentration  
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6.2.2.2 Summary of CV Studies at Low pH 

To summarise, the pyridinium system displays three distinctive electrochemical 

characteristics (1, 2 and 3) which are dependent on the acidity of the medium. At pH 

higher than ~6, very weak waves are observed then disappear at ~pH 8. At such 

conditions, the concentrations of both cations are very low (e.g. at pH7 [H
+
] = 0.1µM 

and [PyH
+
] = 0.2mM). This further confirms that these cations are giving rise to the CV 

waves in the potential range studied. At 3<pH<5.5 (the most studied acidity range for 

this system in the literature), a CV wave at -0.56±0.01V is observed (characterised in 

the previous Section 6.2.1).  At this range, the pyridinium concentration ranges between 

9.96mM and 7.38mM which is 9 to ~700 times higher than the proton concentration. 

This leads to assigning this wave to pyridinium reduction (Reaction 3, Scheme 6.5). 

However, at pH≤3 region, two CV waves are observed. These voltammetric responses 

are unambiguously explained by proton reduction (Reaction 2, Scheme 6.5) coupled to 

the deprotonation of PyH
+
 reaction (Reaction 1, Scheme 6.5) responsible for the first 

wave and pyridinium reduction (Reaction 3, Scheme 6.5) for the second. This was 

further confirmed by the numerical simulations. 

6.3 CV Studies in the Presence of CO2 

6.3.1 Current Enhancement at Atmospheric Pressure 

(1 bar of CO2) 

As described previously in the mechanisms summary Section (6.1.1), the introduction 

of CO2 to  pyridine-containing electrolytes, results in an enhancement of the redox wave 

amplitude as compared to the same wave observed in the inert atmosphere (N2) (refer to 

the mechanisms summary Section 6.1.1). The current enhancement observed under CO2 

was interpreted differently by Bocarsly and Savéant groups. In Bocarsly’s initial 

mechanism (Figure 6.1), the current enhancement was explained by the interaction of 

pyridinyl radical (Reaction 2, Figure 6.1) with CO2 (Reaction 4, Figure 6.1). This 

pathway was disproved by the theoretical calculations as discussed earlier. An 

alternative catalytic pathway based purely on the observed Faradaic yields of the 

products was subsequently suggested by Bocarsly group. The process according to these 

workers involves two pathways in which 5-25% of the current contributing to methanol 



 

158 
 

production, proceeds through the interaction of H-Pt hybrid surface with CO2-
 
PyH

+
 in a 

reduction reaction (Reaction b, Figure 6.3) to produce formate. This reaction is 

considered a first step toward methanol formation. The remaining 75-95% of the current 

is believed to be directed toward the competing HER. On the other hand, Savéant’s 

group propose that the current enhancement is merely the contribution of protons 

released by CO2 dissociation resulting solely in the production of molecular hydrogen 

(Reaction 3 and 4, Figure 6.2). Although, both routes consider a catalytic mechanism, 

these pathways lead to different products where HER competes with methanol 

formation in the former, while HER takes place exclusively in the latter. Therefore, 

further investigation to understand the CO2 effect on the voltammetric PyH
+
 behaviour 

was undertaken at atmospheric CO2 pressure (1bar CO2) in the present study and is 

reported herein.  

 

Figure 6.13 CVs of 10mM pyridine in 0.5MKCl at atmospheric pressure 1bar and 20°C 

(blue) under N2, (green) under CO2 at (a) 5mV/s, (b) 50mV/s and (c) 500mV/s on Pt 

disk (100µm diameter). 
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Figure 6.13 illustrates CVs collected in pyridine-containing (10mM) aqueous electrolyte 

at Pt cathode under an inert gas (N2) and at atmospheric CO2 (1bar) at 5mV/s, 50mV/s 

and 500mV/s. The CO2-buffered electrolyte reaches ~pH5.3 in the presence of 10mM 

pyridine. Thus, the pH was adjusted (to pH5.3) with hydrochloric acid for the inert 

atmosphere experiment to match the CO2-buffered electrolyte. Under CO2, the strongest 

enhancement of the cathodic peak current (~2-fold) is observed at the lowest scan rate 

(5mV/s) as depicted in Figure 6.13. As the scan rate is increased the current difference 

between the CO2 saturated medium and under N2 becomes smaller.  

 

Figure 6.14 Plot of the cathodic peak current under CO2 and under N2 at 100mM 

pyridine and Pt disk (100µm diameter) 

The current enhancement under CO2 was also observed at other pyridine concentrations 

as depicted in Figure 6.14 for 100mM pyridine. The enhancement of the current is 

clearly dependent on the scan rate. Although comparable enhancement of the 

pyridinium related peak current under CO2 was reported at similar conditions by the 

Bocarsly group (Morris et al. 2011), these workers presented the current enhancement at 

the lowest scan rates and excluded its variation at higher scan speeds. Hence, the 

catalytic mechanism proposed by this group did not account for any scan speed 

dependence. Instead, the catalytic characteristic ‘S-shape’ was only reported to appear 

at a very low scan rate (1mV/s) (Cole et al. 2010). Furthermore, the current attributed to 
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CO2 reduction should represent 100% response which did not reflect the product 

Faradaic yields of only ~20%. Hence, the direct contribution of CO2 to the voltametric 

wave observed seems unlikely and the electron transfer reaction involved in the system 

should be independent of CO2.  

The charge transfer process under CO2 proposed herein proceeds through Reactions 2 

and 3 in Scheme 6.5. As for the chemical reaction, the dependence of the current 

enhancement on the scan rate (Figure 6.13 and Figure 6.14) suggests that the 

electrochemical process involves a slow chemical reaction coupled to the electrode 

reaction (Costentin et al. 2013). In the inert atmosphere, according to Scheme 6.5 the 

only chemical reaction identified is the deprotonation of pyridinium which is known to 

be a fast equilibrium reaction. On the other hand, in the presence of CO2, two chemical 

reactions namely CO2 hydration and dissociation take place. The set of reactions best 

describing this system are suggested in Scheme 6.6.  

In Scheme 6.6, the Reactions 4 and 5 simply represent a reprotonation source for 

pyridine via the reverse of Reaction (1) which is coupled to Reaction 3 in an EC’ 

mechanism and/ or coupled to Reaction 2 in a CE mechanism depending on the 

concentration of pyridine and the acidity of the medium. The dissociation Reaction (5) 

is well-known be a fast equilibrium reaction as it involves a proton transfer from an 

oxygen acid, while the hydration reaction is much slower since it involves a high 

activation energy for the molecular reorganization due to adjustment of the bonds length 

and angles (Costentin et al. 2013). Thus, the electrode Reactions 2 and 3 are affected by 

the hydration reaction (Reaction 4) kinetics. Hence, the enhancement of the current at 

slow scan rates is most likely due to the slow chemical step (Reaction 4, Scheme 6.6). 

At fast scan rates (>100mV/s in Figure 6.14) a negligible difference of the reduction 

current is observed, which indicates the slow release of the protons needed in the re-

protonation of pyridine (reverse of Reaction 1). These observations further confirm that 

the hydration step is the rate limiting chemical reaction coupled to the electron transfer 

reaction. 
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Scheme 6.6 Set of reactions describing the process under CO2 

(1)             
(2)           

(3)                

(4)                           

(5)           
         

  

This mechanism (Scheme 6.6) agrees well with Savéant group who explained the 

voltammetric wave, under CO2, as merely the supply of protons to the electrode reaction 

by the added contribution from the dissociation of PyH
+
 (Reaction1, Scheme 6.6) and 

the dissociation of CO2 (Reaction 4 and 5, Scheme 6.6) (Costentin et al. 2013). As part 

of attempting to justify the contribution of the current from both PyH
+
 deprotonation 

and H2CO3 dissociation, Constentin et al have presented the current of the pyridinium-

CO2 CV waves as the superimposition of the current from CO2 alone and pyridinium 

alone. In these authors work, the pyridinium-CO2 medium was auto-buffered to pH 

5.15, the pyridinium alone was adjusted to pH5.15, while CO2–saturated electrolyte has 

reached pH4.5. Two peculiar features are noticed from this group’s work. First, the 

acidity of the three media is not matched (pH 4.5 and 5.15). At these differently 

buffered electrolytes the species concentrations vary as shown in Table 6.4. 

Consequently, the current arising from CO2 at such pH (4.5) where protons are higher 

(~5 times) than in the PyH
+
 alone medium (pH5.15) may overestimate the current 

resulting from this CV. Due to this inconsistency similar experiments to those of the 

Savéant group’s work were undertaken in the present study.  

Table 6.4 Species concentrations in 3mM pyridine-CO2 system 

 pH [PyH
+
]     

(mM) 

[H
+
]     

(mM) 

[CO2]  

(M) 

[    
 ] 

(mM) 

CO2 Alone 4.5
 a
 - 0.032 0.0383 0.043 

PyH
+
+ CO2

 
 

(calculated in 

this work) 

5.15
a 

5.09
b 

2.089 0.008 0.0383 2.096 

PyH
+ 

Alone 5.15
 a
 1.997 0.007 - - 

a reported value (Costentin et al. 2013) 

b calculated in this work 
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CVs were recorded at 5mV/s and 500mV/s in pyridine-containing electrolyte (10mM) 

(a) under N2 with the medium adjusted to  pH 5.3; (b) in pyridine-containing electrolyte 

which is buffered by CO2 to pH 5.3 and (c) of CO2 saturated electrolyte (PyH
+
 free 

medium) naturally buffered to ~pH 4 (Figure 6.15). Although, the protons are ~20 times 

higher in the case of electrolyte containing CO2 alone (pH 4.5) as compared to the 

pH5.3 media, the cathodic current of CO2 alone (in pyridinium-free medium) is much 

lower. On the other hand, a significant enhancement is observed between the current of 

pyridinium under N2 (absence of CO2) and the current of this cation in the presence of 

CO2 as illustrated in Figure 6.15. The addition of the currents measured under CO2 

alone and in the presence of pyridine under N2 does not explain the current observed 

under the combined CO2-pyridine system.  On the contrary, Figure 6.15 indicates that 

the waves arising in the two pyridinium containing electrolytes, under CO2 and under 

N2, both proceed through the electrode Reaction 3 in Scheme 6.6; this was not explicitly 

considered in Savéant mechanism.  

Comparing these conditions, when pyridinium is present, the concentration is ~250 

times higher than the protons (Table 6.4). Hence, the pyridinium reduction (Reaction 3 

in Scheme 6.6) dominates. While, in the case of CO2 alone in the medium, the protons 

are the only electroactive species present and these reduce via Reaction 2 in Scheme 

6.6. Considering the low protons concentration in this case (Table 6.4) the weak wave 

observed in CO2 alone is expected. 
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Figure 6.15 Cyclic voltammograms of: 10mM pyridine under CO2 pH5.3 (dashed line), 

10mM pyridine under N2 adjusted using HCl to pH5.3 (grey), CO2 in the absence of 

pyridine pH 4(black) (a) 500mV/s , and (b) 5mV/s collected on Pt (0.07cm
2
). 

Moreover, the wave resulting from CO2 alone in Savéant’s reported work casts some 

doubt on their proposed mechanism since the well-defined wave shape presented for 

these conditions in Costentin et al., 2013 is not expected. In this work, the voltametric 

features for CO2 alone (in the absence of pyridine) does not show a well-distinguished 

wave (Figure 6.15). The redox wave presented by Costentin et al, 2013 is likely to be 

due to adsorbed pyridinium at micromole level which is similar to the CV wave 

obtained at ~10µM pyridine (Figure 6.16). In an electrolyte containing CO2 alone, the 

CO2 indirect contribution via Reactions 4 and 5 in Scheme 6.6 coupled to Reaction 2, 

explained earlier, is effectively not different from the proton reduction in a pyridinium-

free medium seen in Figure 6.11b. The present observations confirm that the role of 

CO2 in the presence of pyridinium consists of the cyclic protonation of pyridine 

(Reaction 1, Scheme 6.6) by the protons released from H2CO3 dissociation (Reactions 4 

and 5, Scheme 6.6).  
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Figure 6.16 CV of ~10µM pyridine in 0.5M KCl aqueous electrolyte in the presence of 

CO2 at 55bar and 10mV/s 

6.3.2 Effect of High Pressure CO2 on Pyridinium 

Voltammetric Behaviour at Platinum 

In an attempt to further elucidate the interaction of CO2 with PyH
+
 cation, which 

ultimately leads to understanding the voltammetric behaviour of such system, a large 

excess of CO2 (up to ~1.2M) was introduced to the system using high pressure. For 

comparison, this is much greater than the maximum analytical pyridine concentration of 

200mM. This system is investigated both experimentally and using simulation of the 

CV curves.  

6.3.2.1 CO2 Pressure Dependence  

Figure 6.17 shows CVs of 10mM pyridine in aqueous electrolyte which were collected 

in CO2 saturated solutions at 1-55bar. The CO2 concentration reaches ~1.2M at 50bar 

and 20ᵒC calculated in Chapter 5, Table 5.4. The cathodic peak current shows a steady 

increase with CO2 pressure, is in agreement with the current enhancement reported by 

Bocarsly group at elevated CO2 pressures up to 6bar (Morris et al. 2011). If it is 

assumed that CO2 is directly involved in the electrode reaction as was proposed by 

Bocarsly group, the current is expected to increase proportionally with the CO2 amount 
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present in the electrolyte. In contrast to this assumption, the cathodic current increases 

only ~7-fold compared to more than ~35 times increase in CO2 concentration at 55bar 

(~1.3M). The current then reaches saturation above ~50 bar (Figure 6.17, inset). It is 

important to note that at the above conditions the concentration of all species including 

[CO2], [PyH
+
] and [H

+
] are varying with CO2 pressure as summarised in Table 6.5. This 

fact complicates the interpretation of the current enhancement. Moreover, the current 

enhancement shown in Figure 6.17 is significant only at slow scan rate and this 

represents a specific case in which current plateau (S-shape) is observed, so no analysis 

should be based upon data acquired at low scan rates solely (as was the case in the 

reference (Barton Cole et al. 2010)). Herein, the current increase (Figure 6.17) is 

investigated further by CVs simulations and Nicholson diagnostic technique at elevated 

pressure conditions. 

 

Figure 6.17 CV waves of 10mM pyridine in 0.5M KCl at 5mV/s at CO2 saturated 

electrolyte (1-55 bar range). Inset: reduction peak/limiting current versus CO2 pressure 

(for the same data series as shown on the main graph). Line-simulation, dots-cathodic 

peak current. Positive values represent the reduction in this case. 
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Table 6.5 Pyridinium and CO2 concentrations in 10mM pyridine-containing aqueous 

solution at 20ᵒC and varying pressure 

Pressure 

(bar) 

pH [PyH
+
]     

(mM) 

[CO2]  

(M) 

1 5.50 4.7 0.0339 

6 4.93 7.7 0.2016 

10 4.75 8.3 0.3286 

50 4.24 9.4 1.218 

 

6.3.2.2 Numerical Simulation of CV curves for 

Pyridinium at Pt Cathode Under High CO2 Pressure 

The model suggested in Scheme 6.5 and discussed in Section 6.2 for an inert 

atmosphere (N2 gas) explained well the behaviour of PyH
+
 in acidic solutions and 

reproduced the CV data with good agreement. This is expected to hold upon the 

introduction of excess CO2 into the system.  Hence the same set of reactions used in the 

previous section is used for the present simulations (Scheme 6.7).  

 

Scheme 6.7 Model used in simulation of experimental CV data under CO2 

(1)             
(2)           

(3)                

(4)                           

(5)           
         

(6) The net reaction:                  

    
    

                         

 
    
    

                   

 
      
    

                   

                                

                            

 

In this scheme, the presence of CO2 is believed to simply represent a hydrated proton 

replenishment source for the reprotonation of pyridine as described in the previous 

Section (6.3.1). Hence, in this instance, CO2 is effectively replacing the acid role in the 

inert gas case. The CO2 effect, reflected in Reactions 4 and 5 in Scheme 6.7, can be 

either considered as a preceding chemical reaction (CE) to the hydrated protons 

reduction (Reaction 2), or a subsequent catalytic reprotonation of pyridine (EC’) of the 

pyridinium electrode reaction (Reaction 3). These routes are constantly engaged and 
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both make a contribution to the system depending on the pyridine concentration and the 

acidity of the medium. In the catalytic EC’ mechanism (Reaction 3, Scheme 6.7), the 

CO2 hydration (Reaction 4) and H2CO3 acid dissociation (Reaction 5) represent a proton 

source for the pyridine protonation (reverse of Reaction 1). These chemical Reactions 1, 

4 and 5 are coupled to the pyridinium reduction Reaction (3), whereas, in the CE 

pathway, the CO2 equilibrium Reactions (4 and 5, Scheme 6.7) are coupled to the 

proton reduction (2). CV data obtained at high CO2 pressure was simulated according to 

the model in Scheme 6.7 and using simulation parameters obtained by fitting of the CV 

data under N2, summarised in Table 6.4. 

Table 6.6 Simulation parameter (E
0 app

H+/H , kS =0.3, α = 0.5) for CV data at 55 bar of 

CO2 and different analytical concentrations of pyridine. 

Py (mM) 10 50 100 200 

E
0 app

H+/H  (V) -0.790 -0.775 -0.715 -0.715 

H
+
 (µM) 40.00 9.70 5.65 3.46 

 

A noteworthy exception to the the inert atmosphere parameters set is that the apparent 

standard redox potential of protons (Reaction 2, Scheme 6.7), E
0 app

H+/H, required 

consistent/deliberate adjustment for reproduction of the experimental CV wave 

positions. A possible reason for the redox potential adjustment could be the variation of 

the acidity of the medium (Table 6.6). The simulated cathodic peak current is compared 

to the experimental values with varying total pyridine concentration at 55 bar CO2 in 

Figure 6.18. The deviation of the cathodic peak current values for the simulated and 

experimental data for 10-200mM pyridine concentration range (Figure 6.18a) is not 

more than ~15%; this is comparable to the ~10% reproducibility of the experimental 

data obtained. 

However, on the lower region of the pyridine concentrations investigated (≤1mM) 

(Figure 6.18b) the simulation model consistently overestimated the current by about a 

factor of 2. In this region, the proton reduction (Reaction 2, Scheme 6.7) dominates. The 

deviation of the current which is more prominent at high scan rates (>1000mV/s) and 

low pyridine (≤1mM) concentrations can be rationalised in terms of an incomplete CO2 

saturation at such low pyridine concentrations (the aqueous electrolytes were purged 

with CO2 for ~1h for all pyridine concentrations used, the time was determined from 

pre-experimental study presented in Appendix D, Figure D16). In the presence of high 

pyridine concentrations CO2 dissolves more rapidly as the former plays the role of a 
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base, stimulating the protons abstraction from CO2. On the other hand, at low pyridine 

concentrations a lack of the protons consumption effect is reflected in much slower CO2 

dissolution than in the former case.   

 

Figure 6.18 Cathodic peak current as function of pyridine total concentration for CVs 

at 55 bar CO2. Dots - experiment, lines - simulation 

An alternative explanation is that the diminished current is observed when the pre-peak 

features (Figure 6.19) appear on the experimental waves at -0.32±0.02V. The pre-wave, 

which reflects adsorbed product co-existing with the diffusion limiting pyridinium peak, 

is proportional to the scan rate (Figure 6.19, inset). The prefeatures are stronger at high 

scan rates >1000mV/s, which interfere with usual pyridinium CV wave and could affect 

the current (cause the dimished current obeserved). Indeed, at 5000mV/s the pre-waves 

start exceeding the amplitude of the original wave. This confirms the adsorption 

prefeatures behaviour reported in the literature (Yan et al. 2013). The adsorption 

prefeatures were not included in the simulation model as explained in the CV 

simulations in the inert atmosphere Section 6.2.1.2. Considering that the pre-peak waves 

were assigned to hydrogen adsorption and that this effect occurs at concentration range 

where surface effects prevail (Yan et al. 2013), this process is expected to affect the 

observed cathodic current in the low pyridine region, resulting in the diminished current 

observed experimentally.  
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Figure 6.19 CVs of ~10µM pyridine at 55bar of CO2 on Pt 0.07cm
2
 at 300-5000mV/s 

scan rates. Pre-peaks preceding the usual CV wave are observed at -0.32±0.02V 

Illustrated in Figure 6.20 are experimental and simulated cyclic voltammograms of 

pyridine at 10 and 100mM pyridine (other concentrations are presented in the Appendix 

D, Figure D7-10) at 55 bar of CO2 and 10,100, and 1000mV/s scan rates. The model in 

Scheme 6.7 reproduced well the experimental CV data within ~<15% as described 

above.  

6.3.2.3 Nicholson Diagnostics Applied to High CO2 

Pressure CV Data 

The CV waves under elevated CO2 pressure display characteristic features of coupled 

catalytic chemical reaction (EC'). The catalytic EC’ mechanism can be further 

illustrated using Nicholson diagnostic criteria. The criteria can be applied in this 

instance as the forward part of the summary Reaction 6 in Scheme 6.7 can be 

considered as pseudo-1
st
 order. This approximation is valid at >50bar experiments 

where the presence of CO2 is in large excess in respect to pyridine concentration and 

hence can be considered constant. This can be further observed in Scheme 6.7, where 

the equilibrium of carbonic acid dissociation (Reaction 5) reaction is much faster than 

the hydration step (Reaction 4); the carbonic acid released from this reaction is 

consumed at a faster rate than its decomposition to regenerate CO2. Thus, at high CO2 
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pressure, Reaction (6) can be treated as a pseudo-1
st
 order irreversible coupled reaction 

and Nicholson criteria can be applied qualitatively.  

 

Figure 6.20 Normalised cyclic voltammograms by the square root of the scan rate on Pt 

0.07cm
2 

at 55 bar CO2 of (a and b) 10mM pyridine, (c and d) 100mM pyridine at 

1000mV/s (blue), 100mV/s (red), and 10mV/s (black). Left images - experiment, right - 

simulation. Positive values of the current represent reduction in this case. 

The CVs of 10mM pyridine under 55 bar CO2 are normalised (Figure 6.20) to the 

square root of the scan rate, the current is represented as   
      . This ratio gives a time 

independent current value, free from the obscuring effects of the diffusion time of the 

reactant to the electrode surface, as described by the Nicholson-Shain diagnostic 

technique (refer to Chapter 2, Section 2.8.1.2). The CVs display features characteristic 

for the coupled catalytic chemical reaction (EC’). That is if no coupled chemical 

reaction was detected the cathodic current would be independent of the scan rate and as 

a result the CVs at different scan rates would merge. 

The Reactions 4, 5 in the catalytic EC’ mechanism (Scheme 6.7), represent a 

reprotonation source for pyridine via the reverse of Reaction (1). These Reactions (1, 4 

and 5) are coupled to the pyridinium reduction (electrode Reaction 3) which is affected 
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by the rate limiting step (hydration Reaction 4). This effect is observed as a steady state 

current, which is significant at slow scan rates (<10mV/s) resulting in the S-shape of 

CV waves (Figure 6.17 and at 10mV/s in Figure 6.20). This significant current increase 

observed at 5mV/s demonstrates that the current is kinetic dominated. In this case, the 

current becomes independent of the scan rate approaching a limiting value (Figure 

6.18a). The cathodic current plateau effect is more pronounced at lower pyridine 

concentrations, indicating an efficient reprotonation for a given CO2 concentration as 

observed for ~10µM pyridine (Figure 6.19, slow scan rates).  

 

 Figure 6.21 Nicholson and Shain criteria for EC’ mechanism. The variation of the half 

peak potential with log λ. λ=kf/a, with         . line-Nicholson characteristic curve 

for EC’, symbols-this work data. (kf is the forward rate) 

Figure 6.21 depicts the diagnostic criteria for the mechanism of the system under study. 

The variation of the peak potential as a function of the logarithm of λ=kf/a, with 

         (Figure 6.21). At high scan rates, where the coupled chemical reaction is 

not detectable, the half peak potential is close to 30mV typical for a reversible system. 

However, at low scan rates the half peak potential becomes independent of the scan rate 

indicating a kinetically controlled system. This characteristic feature further confirms 

the EC’ mechanism as described by Nicholson-Shain (Nicholson & Shain 1964) and 

Bard (Bard & Faulkner 2002) 
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6.4 Summary 

The analysis of the CVs data under N2 in acid-adjusted electrolytes at Pt electrode 

revealed a single electron transfer at half wave potential of -0.56±0.01V, simulated as a 

CEPT transfer (Reaction 2 and 3, Scheme 6.5). The current was confirmed to be 

diffusion controlled and hence dependent on the PyH
+
 concentration and the pH of the 

medium. The pyridinium reduction process displays three pH-dependent distinctive 

features: (1) pH>7, (2) 3<pH<5.5 and (3) pH<3. At pH~7, a pyridinium-related weak 

cathodic wave emerges which is not observable at more basic pH. However, at 

3<pH<5.5 the pyridinium related CV wave is observed at -0.56±0.01V (Reaction3, 

Scheme 6.5). As the proton concentration is increased beyond 1mM (pH<3), two waves 

are observed: the original at -0.56±0.01V and a new wave at -0.43±0.01V). The first 

wave reflects the proton reduction, while the second wave represents the pyridinium 

reduction. These reactions are coupled to the PyH
+
 deprotonation reaction, leading to 

the molecular hydrogen formation. 

Upon the introduction of CO2 into the system, a current enhancement is observed as 

compared to the inert atmosphere. The current increase observed in the CO2 saturated 

medium was shown to be merely the reprotonation of pyridine (Reaction1, Scheme 6.6) 

by the protons released from CO2 hydration and H2CO3 dissociation (Reactions 4 and 5, 

Scheme 6.6). The CO2 hydration step is the limiting chemical reaction coupled to the 

electrode reaction. The reprotonation was found to be more efficient at elevated 

pressure where an excess CO2 is present. Since, the system under high CO2 pressure 

displays features characteristic of the catalytic coupled chemical reaction EC'. The CO2 

effect is reflected in the Reactions (4) and (5) in Scheme 6.7 which are either considered 

as preceding chemical reaction (CE) to the hydrated protons reduction (2), or a 

subsequent catalytic reprotonation of pyridine (EC’) of the pyridinium electrode 

Reaction (3). The EC' route dominates for the analytical pyridine concentrations 

(>1mM), while CE route is dominant at low concentrations (<1mM). The EC’catalytic 

mechanism proposed herein based on the experimental observations, numerical CV 

simulations and Nicholson diagnostic criteria was confirmed at 55bar of CO2 and 

different pyridine concentrations.  
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Analysis of all results revealed that CO2-pyridine system is merely pyridinium assisted 

molecular hydrogen formation under all the conditions investigated. There is no 

observable direct contribution of CO2 in the reduction process. This outcome is in-line 

with the Savéant group’s work. Bocarsly group’s original mechanism (Figure 6.1) 

supporting CO2 involvement in the charge transfer observed in CV curves was ruled 

out. In addition, the subsequently proposed route of the contribution to the current from 

both direct CO2 reduction and HER was purely based on the product Faradaic yields 

rather than the voltammetric analysis in the presence of CO2. Moreover, no evidence 

has been found in this work for direct reduction of CO2 from the CV analysis.  
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Chapter 7 Pyridinium Assisted CO2 

Reduction on Pt Electrode at 1bar and 55 

bar         

7.1 Introduction 

In the last few decades, the electrochemical reaction pathways of pyridine and its 

derivatives have been extensively studied by polarography in aqueous electrolytes 

(Mairanovskii 1963) and by voltammetry in aprotic solvents on Pt (Yasukouchi et al. 

1979). It is well agreed that protonated pyridine (C5H5N)  ‘pyridinium’ has an excellent 

catalytic activity toward the hydrogen evolution reaction (HER) (Mairanovskii 1963)
 

(Yasukouchi et al. 1979). More recently, the pyridinium cation was reported to have an 

additional catalytic activity in conjunction with metal surfaces (Seshadri et al. 1994) and 

semiconductors (Barton et al. 2008) towards methanol formation by electrochemical 

reduction of CO2. Near 100% methanol Faradaic yields (FY) were achieved on p-GaP 

by CO2-pyridininium reduction in aqueous electrolytes; and ~30% Faradaic yield of 

methanol was reported on hydrogenated Pd (Seshadri et al. 1994). However, these 

reports did not provide enough information on the evolution of the alcohol yield with 

the supplied charge and hence it still remains unclear whether these FY are constant 

over time. 

More recently, this system was investigated at other material electrodes (Boston et al. 

2013)(Lucio & Shaw 2015) (Zeng et al. 2014) (de Tacconi et al. 2012) (Costentin et al. 

2013). Some of these studies confirmed the production of methanol (Boston et al. 

2013)(de Tacconi et al. 2012)(Zeng et al. 2014), while others could not detect the 

alcohol or any other carbon based product (Costentin et al. 2013)(Lucio & Shaw 2015). 

Thus, the aim of investigating the controversial methanol formation in such system, 

CO2 reduction assisted by pyridinium was studied in aqueous electrolytes at Pt 

electrodes. The potentiostatic and galvanostatic electrolyses of the CO2-pyridine 

reduction process results are reported in the first part of this Chapter for atmospheric 

CO2 pressure (1bar) electrolysis. The concentration of dissolved gaseous CO2 is limited 
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to ~30mM at 25ᵒC in aqueous solutions at 1bar, this restricts the CO2 availability at the 

electrode. Therefore, in the second part of the present study the concentration of the 

reactant, CO2, was increased by increasing its pressure (up to 55bar at 25ᵒC). The 

abundance of this reactant near the electrode surface is expected to assist in increasing 

the CO2 transport rate (Hori 2008). This ideally shifts the CO2 reduction towards the 

product formation; hence it should enhance methanol Faradaic yields if the alcohol 

formation pathway is confirmed (Sreekanth & Phani 2014).  

All measurements were performed with 10mM pyridine (C5H5N) (>99.99%) in aqueous 

(18.2 MΩ cm) KCl (0.5M, >99.99%) electrolyte of 1.5-30ml in the presence of CO2 

(>99.96%) unless otherwise stated. For the electrolysis experiments at 1 bar, CO2 was 

supplied to the reaction vessel for 30minutes (by bubbling) then introduced to the 

headspace (blanketing) for pH buffering purposes. For elevated pressure experiments, 

the CO2 pressure was gradually increased to the desired value. The bulk electrolyses 

were conducted in a batch manner. When the desired charge has been passed, the high 

pressure vessel was gradually depressurised and the content was analysed by gas 

chromatography mass spectrometry (GCMS) as described in Chapter 4. In all 

experiments Pt wires electrode (2.6cm
2
, 3cm

2
 or 3.8cm

2
, 99.9%) or Pt foil (7cm

2
, 

99.9%) were used as a working electrode/cathode (WE) and Pt mesh (~20cm
2
, 99.9%) 

was used as a counter electrode/anode (CE). The bulk electrolysis at high pressure CO2 

(mostly 55bar, 25ᵒC) were referenced against a pseudo Ag/AgCl reference electrode 

(RE), while the bulk electrolysis at 1bar CO2 and 25ᵒC were referenced against 

Metrohm® Ag/AgCl reference electrode. The pseudo Ag/AgCl reference electrode used 

in the high pressure experiments was isolated in a Luggin capillary equipped with the 

ceramic frit as detailed in the experimental techniques and methods (Chapter 4, Figure 

4.2).  All other electrodes specifications and details are described in Chapter 4. The 

electrolyses products were analysed as described in the Chapter 4 and the Faradaic 

efficiencies calculations are detailed in Appendix A2. 

This Chapter is not concerned with the photoelectrochemical reduction of CO2 on 

semiconductors due to the complication of the combination of the photophysical and 

photochemical processes on semiconductors and to the instability of these interfaces in 

aqueous media (Barton et al. 2008). Instead, the voltammetric curve experiments and 

the electrolysis measurements at metal electrodes (e.g. Pt) provide more convenient and 
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simpler approach for the investigation of such system; which allows for any insights 

gained to be exported to semiconductor materials later.  

7.2 Optimization of the Experimental 

Conditions 

Bulk electrolysis product yields are known to be affected by foreign ionic species in the 

electrolyte (Hori 2008). These ions interfere with the surface process in the 

electrochemical reactions on electrodes. The effect of impurities such as metal ions is 

observed as a decay of the electrolysis current (in controlled potential measurements) 

(Augustynski et al. 1996). Therefore, it is necessary: (1) to use a pure 

electrolyte/catalyst, (2) to perform electrolyte purification (pre-electrolysis), and (3) 

ensure a good isolation of the CE from the cathode electrolyte (catholyte) to minimise 

the interference of the CE products with the bulk electrolysis products of interest. The 

RE should also be well isolated from the compartments of the other two electrodes (in 

the case of the pseudo reference electrode). The effect of (1) the catalyst purity, (2) 

electrolyte purification (pre-electrolysis) and (3) CE and RE electrodes isolation on the 

electrolysis current are investigated in the following sections. 

7.2.1 Effect of RE and CE Electrodes Isolation  

It is critical to ensure proper isolation of both the CE and the RE electrodes as the 

diffusion of ions from either compartment might otherwise lead to the contamination of 

the catholyte and interference with the reduction products (L.D.Burke 1994). The effect 

of isolating both electrodes was investigated. First, the pseudo Ag/AgCl reference 

electrode was isolated in a glass tube ending in a medium-porosity frit. Typical 

potentiostatic measurements (-0.7V) (described in the introduction of the Chapter) were 

conducted over ~1h, cyclic voltammogram (CV) were recorded before and after 

electrolysis (Figure 7.1). The use of a medium-porosity glass frit resulted in ionic silver 

chloride contamination as shown in the subsequent CV (Figure 7.1). The silver chloride 

ions       
   form in the KCl medium according to Eq. 7.5 (Sawyer & Roberts 1994). 

The dissolved silver chloride       
   diffused through the frit to the catholyte (within 

~1h) as evidenced by the appearance of extra reduction and oxidation waves (Eq.7.6  
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(Haynes & Sawyer 1967) at -0.096V and +0.15V respectively, Figure 7.1 detailed 

view).  

                      
      Eq. 7.5 

 

In this case a liquid-junction potential resulted causing the mobility of       
 ) 

(Sawyer & Roberts 1994). 

 

Figure 7.1 Cyclic voltammogram of 10mM pyridine in 0.5M KCl with a glass frit 

isolation on WE: Pt foil (7cm
2
).  

The internal solution of Ag/AgCl reference compartment gradually leaks into the 

catholyte and eventually to the WE, which results in silver deposition on the surface of 

the electrode (Eq.7.6). These ions interfered with the usual pyridinium related wave 

resulting in a 4-fold increase in the peak separation and 1.5-fold increase of the 

reductive current (Figure 7.1).  

     
                     Eq. 7.6 
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Thus, a finer (ceramic) frit was used instead for isolation of the reference electrode 

compartment (as described in the introduction to this Chapter). The resulting CV is 

shown in Figure 7.1, inset.  

7.2.1.1 CE Electrode Isolation 

The isolation of the CE is also critical in bulk electrolysis measurements. A non-isolated 

CE causes the oxidation of the products of interest at the WE and/or interferences of the 

oxidized species produced at the CE with the reaction of interest. The interference effect 

manifests itself in the form of adsorption of the species (e.g. oxygen forming oxide 

films) which can alter the electrochemical behaviour (Bard & Faulkner 2002). An 

adsorbed film may partially block or inhibit the electrode reaction by a complete 

blockage of its surface usually observed as electrolysis current decay (de Valera 1953). 

7.2.1.1.1. Reactions at the CE 

Oxygen generation reaction takes place at the anode (Eq. 7.7): 

               Eq. 7.7 

Chlorine also forms at the anode by the oxidation of the aqueous chloride ions (      
   

(of the supporting KCl salt) as described by the half reaction (Eq.7.8). The chlorine 

formation leads to a series of reactions: 

       
         Eq. 7.8 

Subsequently, the dissolved chlorine reacts with water to form hydrochloric acid and 

hypochlorous acid as described by Eq.7.9  

                        Eq. 7.9 

The hypochlorous acid may also interact with potassium to generate potassium 

hypochlorite (KClO). Oxygen and chlorine accumulations (Eq.7.7 and Eq.7.8) become 

significant at high-current density and /or prolonged electrolysis. The oxidation of 

products accumulation results in the diffusion of oxidized species to the cathode.  

To investigate the effect of the CE isolation on the current drop, typical potentiostatic 

electrolyses were performed at -0.5V for ~3h at atmospheric pressure (1bar of CO2) 

(Only the first 2000s are shown, Figure 7.2). To ensure that the current behaviour is due 

to the effect of CE isolation and not to the other controllable factors investigated in the 
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next sections, the highest catalyst purity (>99.9%) was used and an electrolyte 

purification (with pre-electrolysis) was performed before the present electrolytic 

investigation. (1) no isolation was made for CE, where it was directly immersed in the 

catholyte. (2) the CE isolation was made by: the insertion of the CE electrode in a glass 

tube equipped with a glass frit (Refer to Chapter 4) (3) the introduction of the CE 

electrode in two different compartments linked with a 7cm-long salt bridge (3M KCl). 

Figure 7.2 shows the potentiostatic current drop over time for:  (1) no isolated CE, (2) 

glass tube equipped with a frit isolated CE and (3) salt bridge isolated CE. The current 

decay was the least severe when the frit was used for the isolation with halving of the 

starting current (~7mA) over 2000s. More than three-fold decrease in the current was 

observed by about 500s when the CE was not isolated, with the current saturating at 

~1mA. On the other hand, the salt bridge isolation resulted in slower drop of the current 

up to 800s, but finally also reaching 1mA by 2000s. Thus, the bulk electrolyses were 

performed with a glass frit isolated CE. 

 

Figure 7.2 Effect of the counter electrode isolation on the electrolysis (-0.5V) current. 

Electrolyte: 10mM pyridine in 0.5M KCl. Conditions: in the presence of CO2 

(1bar,25ᵒC). WE: Pt foil, 7cm
2
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7.2.2 Effect of Pyridine Purity on the Electrolysis 

Another factor which affects the cathodic current in the electrolysis process is the purity 

of the substances present in the solution. Pyridine (C5H5N) is used as the catalyst in the 

present bulk electrolysis. Therefore, potentiostatic electrolyses at -0.7V over 2000s were 

conducted with the glass frit isolation and with pre-electrolysed electrolytes before the 

addition of pyridine of different purities: (a) Sigma Aldrich, 99.9%, (b) Fisher, 99.5% 

distilled and (c) Sigma Aldrich, 99.99% as illustrated in Figure 7.3. 

 

Figure 7.3 Effect of electrolyte purity on electrolysis current (-0.7V). Electrolyte: 

10mM pyridine in 0.5M KCl. Conditions: in the presence of CO2 (1bar, 25ᵒC). WE: 

on Pt foil, 7cm
2 

In the electrolysis conducted with pyridine (C5H5N) of purity (a, Figure 7.3a), the 

current decreases rapidly by ~86% of the starting current within 600s. The current then 

drops further and plateaus at ~0.8mA. Using the catalyst of purity (b) the current 

decreases by ~86% the starting current within 900s then drops further to ~0.5mA. 

However, the use of compound (c) results in a gradual decrease of the current (by ~86% 

over 1700s) compared to the previous two experiments and reaches residual current 

value (~0.8mA). The use of the compounds of purities (a) and (b) resulted in faster 

and/or deeper current decay. These compounds contain (according to the manufacturer 

specification) higher metal ion traces (e.g. Fe, Zn and Cu) than the substance of purity 

(c). The presence of such impurities may have contributed to the current drop. Similar 
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observations of impurities in CO2 reduction were reported on copper and silver 

electrodes (Augustynski et al. 1996), where the significant drop of the current was 

attributed to the presence of metal impurities in the electrolyte (Hori et al. 2005). Heavy 

metals such as iron (Fe) and zinc (Zn) were reported to be the main contaminants 

depositing on the electrode surface during electrolysis. This leaves less active sites on 

the electrode surface which results in its diminished activity; which is reflected in the 

current drop. Hori et al have studied the effect of heavy metals impurities especially Fe 

ion at trace level on the product yields and the Faradaic efficiencies (Hori & Suzuki 

1983). The metal ions are reduced to metals and are deposited on the electrode surface 

(Hori 2008) as films in ~10 minutes under most electrolysis conditions.  

The shape of the CVs can also be affected by contaminants in the electrolyte depending 

on their nature and amounts (Wasberg 1994). This characterised by a strong shift of the 

CV potential and higher peak to peak separation (as seen in Figure7.1). The CV shapes 

and the observed negative shift can have other causes if the electrolyte is ensured 

impurities free (this will be discussed later in the direct CO2 reduction section). The 

electrode poisoning usually affects the current drop and ultimately leads to low product 

Faradaic yields (FY). An exception to these was gold cathodes (Hori et al. 2005) 

(Augustynski et al. 1996), the electrodes poisoning was clearly observed but the product 

FY were unaffected. Therefore, it is critical to use high purity substances in bulk 

electrolysis experiments for trusted results.  

7.2.3 Effect of Electrolyte Purification (Pre-

Electrolysis) 

Despite the analytical grade of the chemical compounds used in the present bulk 

electrolyses they still contains impurities at sub-ppm level (<0.5ppm). The presence of 

foreign species causes interference with the electrochemical reactions on the cathode 

surface as was discussed in the previous sections. Thus, the electrochemical purification 

of the electrolyte (impurities in the supporting salt and the catalyst) was performed. The 

CE was isolated using the glass frit and pyridine (C5H5N) with 99.99% purity was used. 

Figure 7.4 illustrates potentiometric electrolyses undertaken with and without pre-

electrolysis for comparison. The pre-electrolysis was conducted at cathodically 

polarized Pt foil (7cm
2
) at ca. -2.8 x10

-4
A/cm

2
 under N2 atmosphere for 20h with 
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medium magnetic stirring speed ca. 250 rpm. Potentiostatic electrolysis (-0.7V) was 

performed under CO2 immediately after the pre-electrolysis treatment in the same cell 

with fresh Pt WE (Figure 7.4). The current decreases 3.5 fold over a very short time 

200s when no pre-electrolysis was performed; while it drops by ~40% over 10 times 

longer time with pre-electrolysis. In this instance, the purification of the electrolyte 

retarded the electrolysis current decay as expected (Hori et al. 2005).  

 

Figure 7.4 Effect of electrolytic electrolyte purification at (-0.7V). (Blue) without 

prior pre-electrolysis effect, (Black) with pre-electrolysis. Electrolyte: 10mM 

pyridine in 0.5M KCl. Conditions: in the presence of CO2 (1bar, 25ᵒC). WE: on Pt  

,ca. 2.8 x10
-4

A/cm
2 

The above conditions are of critical importance in the bulk electrolysis procedure 

development.  For instance the electrolytic purification was often not employed in the 

early CO2 reduction on metals (Hori 2008) which resulted in discrepancies in the data. 

Hence, all bulk electrolyses were conducted with the highest purity of compounds with 

additional electrolytic purification, proper isolation of the CE and RE electrodes to 

ensure the reliability of the results. 
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7.3 Results and Discussion 

7.3.1 Direct Electrolysis of CO2 (in the absence of 

pyridine) at 55bar 

Direct CO2 potentiostatic electrolysis (-0.7V) was undertaken at its natural buffering pH 

(~pH4, 55bar, 25°C). Thorough cleaning of the entire setup (high pressure vessel, all 

electrodes, pump, the pressure regulator and the connecting tubing) was performed to 

ensured that the system was pyridine-free. The characteristic pyridinium CV was 

observed below the GCMS limit of detection (LOD) (<0.1ppm). Lower than this 

concentration, the pyridinium CV wave was still observed electrochemically. This 

observation is not surprising considering the high surface activity of pyridinium on 

metals (Mairanovskii 1963). The high pressure system was considered free from this 

compound when the usual voltammetric pyridine wave was not observed.  

CVs were recorded before and after the direct CO2 electrolysis at 100mV/s (Figure 7.5a 

and c). The CVs collected prior to electrolysis (Figure 7.5a) do not show well-defined 

waves contrary to what have been reported by some authors (Costentin et al. 2013), who 

investigated the effect of pyridine in CO2 electrolysis. Instead, some features associated 

with species absorption/desorption on Pt are observed. The voltammetric behaviour of 

Pt surfaces in acidic media (Clavilier et al. 1981) (Cheng & Jandik 2009) (Srejić et al. 

2011) and a neutral medium (Pletcher & Sotiropoulos 1994) were widely studied in the 

past. Herein, the voltametric response under CO2 shows similar behaviour to that under 

any other acidic medium. At negative potential scan a shoulder (-0.37V) is observed 

which is followed by a peak at -0.45V, these peaks are associated with the reductive 

hydrogen adsoption on the Pt surface (Srejić et al. 2011) (Pletcher & Sotiropoulos 1994) 

(Cheng & Jandik 2009).  

The oxidative hydrogen desorption is oberved as a peak (-0.35V) and a shoulder (-

0.20V) at the reverse scan (Srejić et al. 2011) (Pletcher & Sotiropoulos 1994) (Cheng & 

Jandik 2009). The unusual peak separation of ~100mV and ~170mV which reflects the 

adsorption-desorption irreversibility of hydrogen was explained as the pH variation at 

the electrode surface which according to Pletsher et al results from the surface reactions 

themselves (Pletcher & Sotiropoulos 1994). The position of these peaks is belived to be 
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strongly affected by anions (e.g.    ) in the solution which are in competition with 

hydrogen adsorption-desorption  reactions (Wasberg 1994) (Priyantha & 

Malavipathirana 1996) .  

The direct CO2 electrolysis conducted for ~2h is illustrated in Figure 7.5b. The current 

dropped to ~54% of the starting value over the first hour and then plateaus at 

~0.2mA/cm
2
. Figure 7.5c shows CVs collected following the electrolysis. The CV 

shape is significantly distorted from the initial CV (Figure 7.5a), this is characterised by 

a strong negative shift (>300mV) of the main reduction threshould and disappearance of 

the adsorption-induced features. Furthermore, the cathodic current on the CV increases 

significantly by ~88% as compared to the CV current observed prior to the electrolysis. 

 

Figure 7.5 Direct electrochemical CO2 reduction (55bar,25ᵒC):  Cyclic voltammograms 

at 100mV/s in 0.5M KCl at Pt wire (2.6cm
2
) (a) cathodic CV wave before electrolysis, 

(b) Chronoamperometry  (-0.7V) of direct CO2, (c) cathodic CV wave after electrolysis 

and (d) anodic CV wave. Horizontal arrows illustrate the scanning direction. Vertical 

arrows show the voltammetric cycling direction. 

CO and H2 are known to electrolytically form upon the reduction of CO2 on Pt electrode 

in aqueous electrolytes (Hori 2008). Reduced CO2 electrolyte is characterised by a 
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strong CO adsorption on Pt, as was  initially reported by Beden et al and later confirmed 

by several other studies (Hori 2008). The generation of molecular hydrogen was 

exclusively detected with high Faradaic yields (~96%) on Pt (Hori 2008). Thus, these 

reactions are the most likely occuring upon electrolysis (Figure 7.5b). Lucaszewski et al 

have shown that the presence of CO which is reffered to as CO or reffered to as 

‘reduced CO2’ competes with adsorbed hydrogen leading to partially supressing it from 

the Pt surface, while it is consumed in the HER (Łukaszewski et al. 2008). Hence the 

adsorbed CO formation should partially block the Pt cathode surface obscuring the 

hydrogen adsorption-desorption CV features observed prior to electrolysis  (Figure 7.5a 

and c). Following the direct CO2 electrolysis in the acidic medium (Figure 7.5), a CV at 

anodic biasing was collected (Figure 7.5d). An oxidation peak appears at +0.39V (redox 

+0.35V) and the amplitude of the wave diminishes with subsequent cycling; this reflects 

the facile detachment of some reduced species from the Pt. The oxidation peaks 

observed were assigned to the oxidation of adsorbed CO on Pt (Priyantha & 

Malavipathirana 1996).  

It has been suggested that the CO formation is highly favoured in acidic media (Cheng 

& Jandik 2009). Hence, in order to confirm the CO adsorption effect further electrolysis 

study was carried out in an electrolyte of different acidity. For that, the experimental 

conditions (CO2 saturation level and passed charge ~3C) were selected to ensure that 

the initially acidic electrolyte was gradually displaced into the basic region during the 

electrolysis. This was achieved by the introduction of CO2 in the aqueous electrolyte for 

30min (~pH4) then the supply was cut prior to electrolysis. Figure 7.6 illustrates the 

direct CO2 electrolysis (-0.7V) initially in acidic electrolyte over ~8h duration. The 

current drops by ~75% of the starting current (-0.25mA/cm
2 

to -0.06mA/cm
2
) over the 

first hour. This represents approximately the usual current decay observed in the 

experiments with continuous CO2 supply. The current then increases back to the starting 

value. In this instance, the variation of the current is reflecting the pH variation of the 

electrolyte in the absence of the CO2 buffering effect.  

Indeed, over the duration of the electrolysis significant amounts of protons are 

consumed (shifting the concentration from 0.1mM to negligible amounts) since the pH 

at the end of the electrolysis was 12.00 (measured immediately after depressurisation). 

Considering the highly efficient H2 production (~96%) on Pt (reported above) the 
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protons are most likely rapidly consumed in the molecular hydrogen production. The 

increase of the current observed later in the experiment seems to correspond to aqueous 

CO2/carbonic acid exhaustion as part of its dissociation and the consumption of protons 

in HER and CO production (Łukaszewski et al. 2008). This indicates that the gradual 

consumption of protons has resulted in a pH shift to the basic region and hence 

promoted the CO desorption from the electrode surface. Indeed, the anodic CV recorded 

following the electrolysis (Figure 7.6, inset) did not show the wave observed earlier 

(compare to Figure 7.5d) assigned to CO.  Hence, these observations indicate the partial 

blockage of the Pt electrode is due to the formation of adsorbed CO during the 

electrolysis. 

 

Figure 7.6 Direct CO2 electrolysis at -0.7V in initially acidic electrolyte (becoming 

basic electrolyte after CO2 supply cut off) at Pt wire (2.6cm
2
) electrode. Inset: anodic 

CV wave after electrolysis (55bar, 25ᵒC) 

Direct CO2 electrolyses (in the absence of pyridine) were conducted in a typical 

electrolyte (0.5M KCl) at potentiostatic (-0.7V) and galvanostatic (2mA/cm
2
) conditions 

at 30C and 70C respectively. GCMS analysis of the direct CO2 electrolysis solutions 

showed no methanol and no other alcohol production in the absence of pyridine. In this 

work the analysis is focused only on the detection/quantification of alcohols. We can 

conclude that this supports the statement that this molecule is involved in the process of 

the alcohol formation (Seshadri et al. 1994). Boston and co-workers have also 
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demonstrated the need of this molecule for formate and methanol formation (Boston et 

al. 2013).  

To summarise, the direct CO2 electrolysis experiments on Pt electrode revealed that the 

CVs waveforms resulting prior to electrolysis are similar to those observed in other 

acidic media (Clavilier et al. 1981) (Cheng & Jandik 2009) (Srejić et al. 2011) and no 

CO2 associated waves are observed. In addition, the electrolysis current decay seems to 

be associated with the adsorbed CO formation which partly blocks the electrode surface. 

This electrode blockage is evidenced by the negative shift of the cathodic CV waves and 

the simultaneous appearance of the anodic wave assigned to CO formation. 

Furthermore, the direct CO2 electrolysis in basic media has confirmed the CO formation 

and its close relation to the Pt blockage which is reflected in the rapid decay of the 

current. The analysis of the direct CO2 electrolytes showed no alcohol formation, is in 

agreement with Bocarsly et al (Cole et al. 2010) and Boston et al (Boston et al. 2013) 

who were unable to detect any methanol or other alcohols in the absence of pyridine. 

The above observations together with the product analysis results imply that CO and 

molecular hydrogen are the main products of the direct CO2 on Pt at these conditions. 

To investigate the production of methanol in the presence of pyridine electrolyses of 

CO2-pyridine are reported in the next sections at 1 bar and 55bar.   

7.3.2 CO2-Pyridine Reduction at 1bar: Alcohol 

Faradaic Yields (FY) 

In order to investigate the controversy over the methanol production (reported in the 

introduction to this Chapter), potentiostatic and galvanostatic electrolyses of the CO2-

pyridine system were undertaken at 1bar of CO2 and 25°C. Furthermore, the 

electrolyses at atmospheric pressure results will serve as a reference for comparison 

with the high pressure experiments. The concentration of 10mM pyridine was also 

chosen for comparison purposes. 

7.3.2.1 Chronoamperometric (Potentiostatic) 

Measurements  

To determine an optimum electrode potential for prolonged product accumulation, bulk 

electrolyses were carried out at different fixed potentials: -0.5V, -0.6V and -0.7V 
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(Figure 7.7). For -0.6V and -0.7V electrolyses, the current drops by ~84% and ~89% 

respectively, then approaches ~0.15mA/cm
2
 as shown in Figure 7.7. On the other hand, 

at -0.5V the current seems to remains virtually constant over the duration of the 

electrolysis (Figure 7.7). In fact, a detailed view of the electrolysis at this voltage (-

0.5V) results in current decrease by ~60% which is comparable to the previous two 

electrolyses (Figure 7.7, inset on the left). The decrease of the current is likely to be due 

to the CO adsorption on the Pt surface similar to the direct CO2 electrolysis case 

(discussed in the previous section). 

 

 

Figure 7.7 Chronoamperometric (potentiostatic) measurements at: -0.5V, -0.6V and -

0.7V. Electrolyte: 10mM pyridine, 0.5 M KCl aqueous solution. Conditions: 25ᵒC and 

1bar CO2. WE: Pt wire 2.6cm
2
. Inset on the right: A typical cyclic voltamogram 

recorded before the electrolysis at 100mV/s. Inset on the left: Detailed view of the 

electrolysis at -0.5V. 

Electrolyses were run under potentiostatic conditions at -0.5V, -0.6V, and -0.7V over 7-

12h. Methanol Faradaic yields calculated at 12-33 C were less than 3% (Table 7.1) 

corresponding to concentrations of 0.20-0.30ppm. These data showed no correlation 
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with the charge passed in this case. In addition, no optimum potential can be revealed 

since methanol was detected at virtually the same level for all potentials. These results 

are ~7 times lower than the Faradaic efficiencies reported on Pt (22%) by Yan et al. 

2014. Methanol Faradaic yields were further examined as function of electrolysis time 

as discussed in the next section. 

Table 7.1 Methanol Faradaic efficiencies for electrolyses at controlled potential of 

10mM pyridine in 0.5M KCl under CO2 (1 bar, 25ᵒC) at Pt 2.6cm
2 

Potential (V) 

vs. Ag/AgCl 

Passed 

charge 

Q(C) 

MeOH 

concentration  

(ppm) 

MeOH 

Faradaic 

yield 

FY(%) 

-0.5 12.44 0.20±0.07 2.07±0.72 

-0.6 13.10 0.30±0.03 2.86±0.29 

-0.7 32.57 0.25±0.06 0.99±0.24 

7.3.2.2 Chronoamperometric (Potentiostatic) 

Measurements: Time Dependence/Charge Passed 

Evolution 

Time dependent measurements at controlled potential -0.7V were carried out for 5h 

with methanol amounts analyzed every hour (Figure 7.8). The results show the 

formation of methanol within 1hour where the Faradaic yield is at its maximum 21% 

(~5C). Methanol concentration increases to a maximum of 0.17±0.01ppm 

corresponding to 17±2% Faradaic yield (~6C) over the second hour, then drops to 

6.7±2.3% (~11C) at the end of experiment. However, the concentration of methanol 

remained virtually constant at <0.2ppm. Similar rapid decay of Faradaic yield observed 

in the bulk electrolysis was also reported for CO2 reduction on Cu to hydrocarbons 

(DeWulf 1989) (Augustynski et al. 1996) (Noda et al. 1989). In many studies on the 

formation of hydrocarbons and alcohols, the reported Faradaic efficiencies are the 

maximum yields corresponding to short electrolysis times rather than steady state 

accumulation of products over prolonged electrolysis (Augustynski et al. 1996). There 

are only few exceptions where the product formation is reported  at more than 6h of 

electrolysis (e.g.Łukaszewski et al. 2008). The results herein do not seem to differ from 

the reported work, where a maximum of methanol production was observed over a short 
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period of time followed by an important drop of the Faradaic yields. This seems to be 

characteristic of CO2 reduction reactions on metal electrodes at ambient conditions. 

 

Figure 7.8 Methanol Faradaic yields and their corresponding concentrations as a 

function of time in potentiostatic electrolysis -0.7V: Red –Methanol concentrations 

(ppm), Black – Methanol Faradaic yield (%). Electrolyte: 10mM pyridine, 0.5M KCl 

aqueous solution. Conditions: 25ᵒC and 1bar CO2. LOD – limit of detection. 

7.3.2.3 Chronopotentiometric (Galvanostatic) 

Measurements  

Galvanostatic electrolyses were undertaken at fixed current densities of ~0.4-1.3 

mA/cm
2
. The product concentration was monitored as function of time/charge (Figure 

7.9). A maximum methanol Faradaic yield of 1.66±0.13% corresponding to 

0.62±0.05ppm at 54Coulombs was achieved. Prolonged electrolyses at higher charges 

passed (650C) result in a drastic decrease of the FY to negligible values (0.12±0.02%) 

with methanol level dropping to about half the initially detected concentration. The 

Faradaic yields in the present galvanostatic measurements seem to exhibit a similar 

behavior to the FY obtained in the above described potentiostatic experiments. The 

electrolyses at the different biasing modes resulted in low methanol concentrations 

<1ppm with an apparent FY values, which seem to be strongly affected by the number 
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of coulombs passed. However, methanol was not the only alcohol detected in the 

galvanostatic experiments.  

 

Figure 7.9 Methanol Faradaic efficiencies and their corresponding concentrations as a 

function of the passed charge: current densities ~0.4-1.3 mA/cm
2
. Electrolyte: 10 mM 

pyridine, 0.5 M KCl aqueous solution. Conditions: 25ᵒC and 1bar CO2. WE:Pt 

(3.8cm
2
).   LOD-limit of detection 

Ethanol (C2H6O) and isopropanol (C3H8O) were also detected (Figure 7.10). However, 

similar to methanol the alcohol concentrations did not exceed 1ppm regardless of the 

passed charge with an exception of isopropanol (C3H8O). The latter alcohol was 

detected between 1-1.57ppm at charge of <200C. Ethanol (C2H6O) and isopropanol 

(C3H8O) were not reported on Pt previously (Barton et al. 2008). Yet, the CO2-pyridine 

reduction on TiO2-Carbon modified Pt resulted in isopropanol (C3H8O) formation (de 

Tacconi et al. 2012). 

To summarise, the electrolysis experiments at 1bar CO2 in the presence of pyridine 

were conducted in potentiostatic and galvanostatic modes. Methanol was detected as an 

electrolysis product in both cases. However, the concentrations of the alcohol were 

limited to ~0.6ppm irrespectively of the passed charge value and the electrolysis mode. 
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These measurements revealed a dynamic character of the apparent Faradaic yields 

which decreases significantly with higher passed charge. This dynamic character of the 

FY has not been reported before. On the other hand, the maximal FY values are in 

agreement with that reported by Bocarsly et al (Morris et al. 2011). In terms of 

methanol production, no critical difference between the potentiostatic and galvanostatic 

modes was observed. 

 

Figure 7.10 Alcohol concentrations (ppm) as function of the passed charge in 

potentiostatic electrolysis -0.7V: black –MeOH concentrations, Red–ethanol (C2H6O) 

and Green–isopropanol. Electrolyte: 10mM pyridine, 0.5 M KCl aqueous solution. 

Conditions: 25ᵒC and 1bar CO2. WE: Pt (3.8cm
2
). LOD – limit of detection. 
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7.3.3 CO2-Pyridinium Reduction at High Pressure: 

Alcohol Faradaic Yields (FY) 

7.3.3.1 Chronoamperometric (potentiostatic) 

Electrolysis 

The solubility of CO2 is as low as ~30mM in water at ambient pressure and temperature 

(estimated form Henry’s law at 1bar and 25°C) which limits the concentration of CO2 to 

the electrode surface. In order investigate the effect of the abundance of this reactant on 

the prolonged electrolyses of the CO2-pyridinium system, bulk electrolysis experiments 

were carried out in the presence of 10mM pyridine at 55bar of CO2. The effect of the 

CO2 concentration increase is assessed by comparing methanol amounts and Faradaic 

yields at atmospheric to elevated pressure results. Potentiostatic measurements (-0.5-

0.7V) were undertaken at 55bar and 25ºC of CO2 in the presence of pyridine (10mM).  

 

Figure 7.11 Chronoamperometric (potentiostatic) electrolyses: -0.5-0.7V. Electrolyte: 

10mM pyridine, 0.5M KCl aqueous solution. Conditions: 25ᵒC and 55bar CO2. WE: Pt 

3cm
2
.  

Figure 7.11 shows the current decay for the potentiostatic electrolyses. The reduction 

current displays similar decay to the atmospheric pressure experiments. At -0.6V and -

0.7V, the current decreases by ~85% over 800s then reaches a residual value of 
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~0.3mA/cm
2
 i.e. about twice that in the 1bar CO2 experiments (Figure 7.7). Similarly, 

the lowest potential (-0.5V) electrolysis reproduces the current decay at the atmospheric 

experiments with ~46% decay over 2000s duration. However, the current values are 

approximately 3 times higher at 55bar. For the product yields estimation, potentiostatic 

electrolyses were undertaken at the same conditions as above and at accumulation 

charge of 14-19C. The average methanol Faradaic yields and the corresponding 

concentrations are illustrated in Figure 7.12. The error bar shown at -0.7V indicate data 

scatter over three independent experiments. These results show no significant difference 

of methanol Faradaic yields (2.5-3%) for the different reduction potentials. Similarly, 

methanol concentrations did not vary significantly 0.24-0.35ppm. Although the 

measurements were performed at the same conditions for -0.7V electrolyses and all 

measures were taken to ensure consistency for all electrolyses (including the -0.5V and -

0.7V electrolyses), the repeatability of the accumulation results was low. Thus, no 

correlation of the Faradaic yields or concentrations versus the reduction potential can be 

revealed. 

 

Figure 7.12 Methanol Faradaic yields and concentrations as function of the reduction 

potential in potentiostatic electrolysis: blue –MeOH concentrations (ppm), Black –

MeOH Faradaic yield (%). Electrolyte: 10mM pyridine, 0.5 M KCl aqueous solution. 

Conditions: 25ᵒC and 55bar CO2. Error bars indicate data scatter over three 

experiments at -0.7V. Other data represent single experimental runs. 



 

198 
 

7.3.3.2 Chronopotentiometric (galvanostatic) 

Measurements  

Galvanostatic measurements were undertaken at 55bar of CO2 and 25ºC in the presence 

of pyridine (50mM). Two independent electrolyses were conducted at fixed reduction 

currents of 0.05mA/cm
2
 and 0.5mA/cm

2
. For each experiment, samples were analysed 

at different times of the electrolysis. The sampling was performed by a complete 

depressurisation of the reaction vessel, which was pressurised again to 55bar for 

prolonged electrolyses. Methanol Faradaic yields and the corresponding concentrations 

at 2-72C are shown in Figure 7.13. Methanol was first observed at ~3C passed 

corresponding to ~2h run with 0.24±0.03ppm, the concentration then started to stabilise 

after ~10C and remained steady as the charge accumulates. The apparent Faradaic 

yields exhibit the same dynamic character as was observed at 1bar experiments. For the 

experiment at hand, around 7% Faradaic yield is achieved at ~3C and then it decays 

with the charge/time as shown in Figure 7.13. 

 

Figure 7.13 Methanol Faradaic yields and the corresponding concentrations as 

function of the passed charge for fixed cathodic current: circles – 0.05mA/cm
2
, squares 

– 0.5mA/cm
2
. Electrolyte: 50mM pyridine, 0.5M KCl aqueous solution. Conditions: 

25ᵒC and 55bar CO2. Error bars are estimated from the errors in the GCMS analysis 

In terms of methanol concentrations, similar amounts were detected on both 

potentiostatic and galvanostatic electrolysis regimes (compare Figure 7.12 and Figure 

7.13). Moreover, within each regime, no correlation was found between the methanol 
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concentration and the reduction potential (potentiostatic mode) or the current density 

(galvanostatic mode).  

7.3.3.3 Electrolysis at Different Pyridine 

Concentrations 

Although CO2 bulk concentration was increased ~39 fold (1.16M at 55bars and 25ᵒC, 

calculated in Chapter 5, Table 5.4) comparing to the 1bar experiments, only relatively 

low methanol concentrations were observed in the high-pressure experiments (at 55bar). 

In order to further investigate the limited methanol concentrations detected in the 

previous experiment, the process was undertaken at a wider range of pyridine 

concentrations: 0.5µM to 1M. Potentiostatic (-0.5-0.8V) along with galvanostatic 

(50µA/cm
2
 and 1.5mA/cm

2
) electrolyses were undertaken at passed charge ≥9C. This 

value corresponds to the number of coulombs needed to reach a saturated methanol 

concentration level (revealed from previous electrolyses at 55bar). The final methanol 

concentration obtained in these experiments is presented in Figure 7.14 as function of 

the analytical pyridine concentrations.  

 

Figure 7.14 Methanol concentrations (ppm) as function of analytical pyridine 

concentration. Electrolyte:0.5M KCl. Accumulation charge ≥9 C. Conditions: 25ᵒC and 

55bar CO2. Each symbol represents individual experiment: open circles – potentiostatic 

electrolysis at - 0.5-0.8V; filled circles – galvanostatic electrolysis at 50µA/cm
2
 and 

1.5mA/cm
2
. LOD – limit of detection. 
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The detected methanol amounts do not seem to correlate with the pyridine 

concentration; instead this data is scattered over the range investigated with methanol 

amounts limited to <1ppm. In this instance, no optimal pyridine concentration is 

observed. Interestingly, methanol was produced at pyridine concentrations as low as 

5µM with amounts closer to the GCMS detection limit (0.1ppm). Considering that 

pyridine was observed electrochemically at lower than the LOD of the GCMS (reported 

in the direct CO2 electrolysis section), the concentration limit of such molecule needed 

for methanol production could be much lower.  

In addition to methanol, other alcohols, including ethanol (C2H6O), isopropanol and 

butanol (C4H10O), were produced (Figure 7.15). The amounts below the LOD in Figure 

7.15 represent traces alcohols at ppb level, which were often observed in these 

electrolyses (NB. the LOD was estimated according to strict criteria as explained in 

Chapter 4, Section 4.5.1 hence it is used to test the reliability of the GCMS analysis, 

however the alcohol concentrations below the LOD cannot be completely discarded 

herein).       

 

Figure 7.15 Alcohols yields (ppm) as function of the analytical pyridine concentrations. 

Electrolyte: 0.5M KCl. Accumulation charge ≥9 C. Conditions: 25ᵒC and 55bar CO2. 

Each symbol represents Faradaic yield of the alcohol: open circles – potentiostatic 

electrolysis at - 0.5-0.8V; filled circles – galvanostatic electrolysis at 50µA/cm
2
and 
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1.5mA/cm
2
. Red-ethanol, Green- isopropanol and Blue-butanol concentrations (ppm). 

LOD – limit of detection. 

The alcohol concentrations above LOD are detected at slightly lower concentrations 

range (0.1-0.37ppm) than methanol. It is important to note that these alcohols were 

mainly observed at high pyridine concentrations (~≥1mM). The alcohols apparent 

Faradaic yields at the conditions reported above (same dataset shown in Figure 7.14 and 

Figure 7.16) are presented as function of the coulombs passed in Figure 7.16. Methanol 

FYs seem to have the same dynamic character observed at 1bar CO2 electrolyses. 

Similar to the observations of methanol FY behaviour, the FY of the other alcohols 

show a strong dependence on the coulombs consumed in the electrolyses. At less than 

100C of charge all alcohol Faradaic yields range between 0.5-10%. However, as higher 

charge is consumed (>100C) the alcohols’ Faradaic yields drop to marginal values 

(<0.2%). This FY limitation was not reported previously for the CO2-pyridnium process 

for methanol.  

 

Figure 7.16 Alcohol Faradaic yields as function of the charge at analytical pyridine 

concentration of the range (5µM to 1M). Electrolyte: 0.5 M KCl aqueous solution. 

Accumulation charge ≥9 C. Conditions: 25ᵒC and 55bar CO2. Each symbol represents 

total Faradaic yield of the alcohol specified: Red-ethanol, Green- isopropanol and 

Blue-butanol.   
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Figure 7.17 summarises the total alcohols Faradaic yields versus the coulombs passed 

shown in Figure 7.16. The total alcohol Faradaic yields lessened with higher charge 

accumulated. A maximum total Faradaic yield at ~10% for a low passed charge (~10C) 

was observed with corresponding methanol concentrations limit of <1ppm (Figure 

7.14). This Faradaic yield dynamic behaviour is clearly related to the apparent 

concentration limit. Importantly, the limit of this nature was not reported by Bocarsly 

group. Yet, the maximum observed FY of 5-10% is not very different as compared to 

the 20% FY reported by this group at 1bar at Pt electrodes (Seshadri et al. 1994) (Morris 

et al. 2011). The observed limit of the methanol yield can explain the inability to detect 

any methanol by Costentin et al, who used a less sensitive analytical technique than was 

employed in the present work (Costentin et al. 2013).  

 

Figure 7.17 Total alcohol Faradaic yields as function of the charge at analytical 

pyridine concentration (0.5µM to 1M). Electrolyte: 0.5 M KCl aqueous solution. 

Accumulation charge ≥9 C. Conditions: 25ᵒC and 55bar CO2. Each symbol represents 

total Faradaic yield at each experiment: open circles – potentiostatic electrolysis; filled 

circles – galvanostatic electrolysis. LOD – limit of detection. 

In an attempt to maximise methanol amounts, an independent potentiostatic electrolysis 

(-0.7V) of 10mM pyridine was undertaken at 55bar of CO2 on a WE with ~7-times 

higher electrode area (~20cm
2
) than employed in typical experiments and in ~16 times 
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lower electrolyte volume (1.5ml). However, after ~25C or ~350C only typical methanol 

concentrations were detected (0.25-0.3ppm). This approaches did not seem to have any 

effect on the methanol yields. 

7.3.3.4 Discussion 

Under the conditions investigated, methanol was persistently produced at sub-ppm level 

in all experiments. Over the entire pyridine concentration range no correlation with the 

methanol amounts produced could be revealed. However, higher alcohols appeared at 

pyridine concentrations ~>1mM. The higher alcohol formation was not reported for the 

CO2-pyridine system on Pt or Pd metals. However, some of these alcohols were 

suggested to form as subsequent step to the methanol formation on different materials 

(semiconductor or composite electrode) in the presence of pyridine or its derivatives 

(Bocarsly 2013). For instance, an observation supporting the up-conversion in the CO2-

pyridine process was reported on Pt/C-TiO2 electrode (de Tacconi et al. 2012). 

Methanol was produced over 2-hours then its concentration decreased with 

simultaneous isopropanol formation.  

The up-conversion pathway seems common in the CO2 reduction process. In this 

context, a rapid formic acid consumption to form N, N-dimethylformamide (DMF) was 

observed in the catalytic reduction of CO2 (Jessop et al. 1994). Hori has also shown the 

increase of the Faradaic yields of formic acid with a simultaneous drop of carbon 

monoxide (Hori 2008). In view of the unexpected higher alcohols appearance in the 

present work and the persistently low methanol concentrations produced, one may be 

led to consider the up-conversion route. However, there is no evidence for such process 

herein and the limitation of methanol concentration is more likely to be due to other 

reasons such as electrode poisoning.  

The ambiguous results obtained herein characterised by limited production of methanol 

amounts production raise questions in terms of the practical applicability of the 

pyridine-assisted CO2 reduction to methanol system and its proposed mechanism (Cole 

et al. 2010). On the other hand, the decrease of the Faradaic yields in the bulk CO2 

reduction electrolyses seems to be a common issue which is less addressed in the recent 

related work. In fact, most of the reported studies are not steady-state FY but maximum 

Faradaic yields estimated at a short electrolysis time (Augustynski et al. 1996). In the 
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late 80s, however, Hori et al have addressed this issue by extensively studying the time 

dependence CO2 electrolyses on Cu electrodes (Hori et al. 2005) (Hori & Suzuki 1983) 

(Hori 2008). These authors observed that the reduction of CO2 to methane, ethylene, 

and ethanol (C2H6O) on Cu electrodes ceased after 20-40min of continuous prolonged 

electrolysis which was replaced by HER (Augustynski et al. 1996). Moreover, DeWulf 

et al have reported severe drop of the Faradaic yields of methane and ethylene on Cu 

electrode (DeWulf 1989). These groups believe the FY decay is due either to the 

deactivation of the electrode (blockage/poisoning) due to the presence of heavy metal 

electrodes (Hori 2008), the formation of carbonaceous compounds during the reduction 

(DeWulf 1989), or to other organic substances adsorbed on the electrode surface (Jessop 

et al. 1994). The deactivation of the electrode was also reported on gold (Kedzierzawski 

1994)  and silver  (Augustynski et al. 1996)  electrodes.  

In the present work, the electrolysis purification (pre-electrolysis) of the electrolyte did 

not assist in enhancing the methanol concentrations/Faradaic yields. These experiments 

aimed at supressing the ionic impurities interference resulted in typical amounts of 

methanol of sub-ppm level (reported earlier). This implies that the blockage of the Pt 

electrode with foreign species is unlikely to be responsible for the limited methanol 

production. However, the Pt electrode poisoning by intermediates/products effect on FY 

cannot be excluded. In the absence of pyridine, the direct CO2 electrolysis clearly 

displayed the Pt WE blockage behaviour (reported earlier). This effect was shown to be 

due to CO species adsorption. In order to investigate the electrode poisoning effect on 

the electrolysis current in the presence of pyridine, potentiostatic electrolysis (-0.7V) of 

CO2-pyridine system was undertaken at the typical experimental conditions as 

illustrated in Figure 7.18.  
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Figure 7.18 Potentiostatic electrolysis at -0.7 V at Pt electrode, showing current 

variation with time. Inset on the right: Cyclic voltammograms: Blue curve– before the 

electrolysis, red curve–after electrolysis and Green curve–after the anodic stripping at 

+0.5V. Inset on the right: anodic wave. Electrolyte: 10mM of pyridine in 0.5M KCL. 

Conditions: 55bar of CO2 at 25ᵒC. Horizontal arrows illustrate the scanning direction. 

The analysis of the CVs and the current decay reveals clear signs of the electrode 

blockage. The current drops by ~90% of the starting current over ~400s of the 

electrolysis time. The current eventually stabilises at ~0.3mA/cm
2
. The CV wave 

collected after the electrolysis displays a significant cathodic shift reflected in the CV 

shape distortion as observed in Figure 7.18 right inset. Similar to the direct CO2 

experiments, the anodic peak is observed at ~+0.3V, which is assigned to oxidative 

desorption (anodic stripping) of CO from Pt surface. The polarisation at +0.5V for few 

minutes (or several voltammetric cycles, Figure 7.18 left inset) results in a diminished 

amplitude of the anodic CV wave (which ultimately disappears) concomitant with the 

original CV waveform restoration (Figure 7.18 right inset). Further electrolysis 

following the anodic stripping, results in reoccurrence of the electrode blockage in a 

relatively shorter time (20-25 min). This can be explained by quicker poisoning by CO 
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already available in the bulk electrolyte from the preceding electrolysis step. These 

observations further confirm the blockage of the electrode by adsorbed CO species.  

7.3.3.5 Techniques for Elevating Electrode Surface 

Poisoning 

The methanol Faradaic yield limit is suspected to be connected to the significant current 

decay caused by the electrode surface blockage. To investigate the possible electrode 

deactivation/blockage effect on methanol FY, two-step galvanostatic electrolysis 

(1.7mA/cm
2
) was conducted under typical experimental conditions. The first 

electrolysis was conducted for a charge of ~30C. A subsequent electrolysis (~70C) was 

performed in the same electrolyte with a fresh WE electrode (same area). This 

procedure resulted in the typical methanol concentrations of 0.2-0.3ppm amounts being 

detected after each electrolysis step. Hence, further physical/electrochemical techniques 

aimed at minimising/suppressing the CO species from Pt electrode and thus enhancing 

the FY, are presented below.  

First, a periodic anodic biasing regime was adopted in bulk electrolysis over ~10h. 

Figure 7.19 illustrates chronoamperometric electrolysis at -0.7V with a periodic (2min 

at every ~30min) anodic biasing of +0.5V. The current displayed periodical decreases 

with subsequent recovery. This electrochemical procedure did not assist in enhancing 

the methanol FY since in the typical methanol concentration range of 0.25-0.3ppm was 

detected.  
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Figure 7.19 Potentiostatic electrolysis at -0.7V with periodic anodic biasing as function 

of time. Electrolyte: 10mM pyridine in 0.5M KCl aqueous solution. Conditions: 25ᵒC 

and 55bar CO2 

A second electrochemical technique was tested to alleviate the electrode poisoning. 

Contrast electrode polarisation program was conducted by periodic potentiostatic 

biasing at 0V- 0.9V (Figure 7.20a), 0V-1V (Figure 7.20b) and 0V-0.65V (Figure 7.20c). 

For the 0V-1V biasing mode the reduction potential is switched from -1V to -0V for 

~1min over the electrolysis duration (~3h). This was followed by -0V-0.65V biasing 

every ~1min for ~10h. Finally, the system was left for ~24h under the 0V- 0.9V regime 

for 2 min at every 30 minutes. At -0.9-1V bias, gas bubbles were intensively formed on 

the electrode surface. This technique clearly assisted in achieving high average 

electrolysis current density ~3mA/cm
2
 (Figure 7.20c). Considering that HER is very 

efficient on Pt electrode in acid solutions (Hori 2008), the gas bubbles generated at such 

(relatively) high bias are most likely to be hydrogen macro bubbles which were 

intensively generated (visually observed). These bubbles are expected to be efficient in 

replacing the adsorbed CO or preventing CO adsorption, hence freeing the electrode 

surface from these species (Swaddle & Tregloan 1999). However, no enhancement of 

the methanol FY was observed with 0.25-0.5ppm concentration range detected after 

each experiment. 
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Figure 7.20 Potentiostatic electrolyses at alternating potential as function of time. 

Electrolyte: 200mM pyridine in 0.5MKCl aqueous solution. Conditions: 25ᵒC and 

55bar CO2. (a) 0V-0.9V, (b) 0V-1V and (c) 0V-0.65V  

Another attempt, which aimed at FY enhancement by CO suppression, was performed 

with a periodic CO2 pressure variation programme. The pressure programme was 

performed in a galvanostatic mode at -150µA/cm
2
 for ~20h total electrolysis duration 

(Figure 7.21). 
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Figure 7.21  Galvanostatic electrolysis (-150µA/cm
2
) at alternating CO2 pressure (63-

40bar) as function of time. Electrolyte: 200mM pyridine in 0.5 M KCl aqueous solution. 

Conditions: 25ᵒC. 

 

The programme consisted of sequences of pressure variations over ~10h. First, the 

pressure was gradually increased to 63bar; then it was quickly decreased to 40bar over 

20min. The sudden decrease of the pressure induces the formation of CO2 micro 

bubbles on the Pt surface growing into macro bubbles as shown in Figure 7.22. The CO2 

micro-bubbles were expected to replace the adsorbed CO on the Pt surface. The 

experiment conducted by this procedure did not differ from the previous method. 

Methanol amounts detected in all these experiments ranged between 0.25-0.5ppm with 

Faradaic yields <0.1%. The different techniques of reactivation of the WE (by means of 

H2 or CO2 bubbles), clearly indicates that the FY limit is unlikely to be related to the 

electrode poisoning by any adsorbed intermediate(s).  
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Figure 7.22  CO2 macro bubbles formation corresponding to the galvanostatic 

electrolysis at alternating CO2 pressure (63-40bar) of Figure 7.21. The formation 

proceeds in the following sequence: (1) top left, (2) top middle, (3) top right, (4) bottom 

left, (5) bottom middle and (6) bottom right. Electrolyte: 200mM pyridine in 0.5 M KCl 

aqueous solution. Conditions: 25ᵒC. 

7.3.3.6 Underpotential CO2-pyridine Reduction  

Surprisingly, methanol was also produced at a cathodic potential below the equilibrium 

potentials of both of HER (-0.42V at pH7 or -0.36V at pH5) and reduction of CO2 to 

methanol (-0.38V at pH7 or -0.32V at pH5). Galvanostatic electrolysis was conducted at 

low current density (50µA/cm
2
) over ~2days. The variation of the electrode potential for 

such an experiment is shown in Figure 7.23.  For the entire duration of electrolysis, the 

potential did not exceed -0.3V. This observation is consistent with the previously 

reported production of formate at potentials lower than the potential of hydrogen 

production on a Pd electrode (Hori et al. 2005).  

Another noteworthy observation of methanol production was revealed by hydrogenated 

Pd electrode experiments at atmospheric pressure (1bar CO2). Pre-hydrogenated Pd wire 

(2.56cm
2
 at -2.3mA/cm

2
 for ~100C charge passed) was immersed in CO2 saturated (by 

bubbling) electrolyte (10mM pyridine in 0.5M KCl). The experiments were performed 

in a sealed vial and stored at room temperature for ~30h. Methanol was detected with 

0.2±0.02ppm and 0.35±0.03ppm in two identical conditions experiments. In the above 

described experiments, methanol production process seems to be unrelated to the charge 

1mm 



 

211 
 

transfer on the electrode. This is in agreement with the observed insensitivity of the 

methanol production to the electrode current density and the biasing potential reported 

earlier. The observations suggest that the electrochemically produced hydrogen is 

subsequently reacting with CO2 to form the alcohol. Rather than the direct reduction of 

CO2 on the electrode surface to form methanol suggested by Bocarsly and co-workers 

(Cole et al. 2010). 

 

Figure 7.23 Variation of the potential in (underpotential) galvanostatic electrolysis at 

50µA/cm
2
: Electrolyte: 200mM pyridine in 0.5M KCl. Conditions: 55bar of CO2 and 25ᵒC. 

 

7.3.3.7  Summary  

The present bulk electrolysis experiments have confirmed the methanol production in 

the CO2-pyridinium reduction at Pt electrode. In addition to methanol higher alcohols 

were detected in such system. Pyridine proved to be essential in this process since direct 

CO2 reduction resulted in no formation of methanol or any other alcohols. However, no 

optimal pyridine concentration for methanol production could be revealed. At Pt 

electrodes and the experimental conditions studied, methanol Faradaic yield was found 

to be limited to a maximum of ~10% for a low charge passed (~10C); corresponding to 

sub-ppm concentration level (<1ppm). High CO2 concentrations do not seem to be 

critical in this process as comparable methanol yields were observed in high pressure 

and atmospheric pressure experiments. Furthermore, the limitation of the FY did not 
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correlate with the selected potential or the current density as methanol was formed in 

the low concentration range regardless of the biasing regime. 

The limit on methanol Faradaic yield observed was initially linked to the significant 

decrease of the electrolytic current. Accordingly, attempts were made to solve the 

current decay issue. Although, the electrolytic purification assisted in maintaining 

reasonably steady state currents this procedure did not seem to be effective in enhancing 

the Faradaic yields.  On the other hand, the electrolytic current drop was found to be 

severely affected by the CO adsorption on the cathode surface. Most importantly, this 

drop does not seem to be directly related to the methanol Faradaic yields. The attempts 

to activate the electrode by alleviating the adsorption of intermediate(s)/product species 

from the electrode surface also did not prove effective, since the methanol amounts 

remained at the typical low concentration level. The reason for the FY limit remains 

unclear. Yet, the limit of methanol production does not seem to be hindered by the lack 

of available hydrogen. At the same time, the methanol formation appears to be unrelated 

to the charge transfer on the electrode.  This is evidenced by the detection of typical 

amounts at underpotential below the equilibrium methanol potential. The limited 

methanol production under all the above conditions suggests a lack of support for a 

direct CO2 reduction to methanol at the cathode, which is supported by the chemical 

production of methanol on hydrogenated Pd. Further investigation of the methanol 

production via this route is needed. 
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Conclusions 

The key conclusions drawn from this project are as follows: 

 The bulk electrolysis experiments of the CO2 reduction in pyridine-containing 

electrolytes confirmed the methanol production reported by several groups (Boston 

et al. 2013) (Cole et al. 2010) (Zeng et al. 2014). In the absence of pyridine, the 

product analysis of the direct CO2 electrolysis showed no alcohol formation. This 

explicitly confirms the importance of pyridine in the studied CO2 to methanol 

reduction process. At the same time, no correlation with the methanol amount 

produced could be revealed over the entire pyridine concentration range studied 

(~1µM to 1M). 

 

 However, the produced methanol amounts were limited to the sub-ppm level 

irrespectively of the passed charge and the electrolysis mode. This is reflected in a 

dynamic character of the methanol Faradaic yield, which was found to be 

comparable (~10%) to that reported by the Bocarsly group for a low charge passed 

(~10C), but was decreasing steadily with higher passed charge. This very important 

feature has not been reported before.  

 

 In order to investigate the observed limit on methanol production, an effect of 

possible electrode deactivation caused by deposition of either cationic impurities or 

reaction intermediates/products was evaluated. It was found that electrolyte 

purification by pre-electrolysis do not assist in enhancing the methanol 

concentration. Several physical and electrochemical methods of electrode re-

activation also did not prove effective. Hence, the reason for the methanol 

production limit remains unclear however it is unlikely to be due to electrode 

deactivation during the electrolysis. 

 

 High CO2 pressure (concentration) does not seem to be critical for the reduction 

process as comparable methanol yields were observed in the high pressure and the 

atmospheric pressure experiments. However, at high CO2 pressure, higher alcohols 

were detected in addition to the methanol after electrolysis at pyridine 
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concentrations ~>10mM. The formation of higher alcohols was not reported before 

for the pyridine-assisted CO2 reduction on Pt (or Pd) electrode.  

 

 Analysis of the cyclic voltammetry data supported by simulation revealed that the 

electrode reduction in CO2-pyridine system is merely pyridinium assisted molecular 

hydrogen production under all conditions investigated. Based on the voltametric 

studies no evidence of direct CO2 contribution into the electrode reduction process 

was found. 

 

 The electrochemical behaviour of pyridine (pyridinium) on Pt electrode revealed a 

simple weak acid behaviour. Specifically, the electrochemical activity of pyridine is 

best represented (simulated) as a combination of two electrode reactions. One is the 

common reduction of hydrated protons and the second is a direct pyridinium 

reduction (via termolecular reaction), leading in both cases to molecular hydrogen 

formation. The relative contribution of each electrode reaction is defined by the 

particular combination of the pyridine concentration and the acidity of the medium. 

Both reactions can be clearly distinguished at low pH as two CV waves at -

0.43±0.01V and -0.56±0.01V are observed corresponding to the hydrated protons 

reduction and the pyridinium reduction respectively.  

 

 The effect of CO2 on the reduction processes in pyridine-containing electrolyte at Pt 

electrode has three distinctive features: 

 

(1) When pyridinium reduction is the dominating electrode reaction (in weakly acidic 

medium pH>4.5 or large pyridine concentrations (>1mM)), the effect of CO2 

simply represents a re-protonation source for pyridine. Hence it replenishes the 

exhausted pyridinium concentration in the vicinity of the electrode and increases 

the current. The re-protonation cycle is sourced by protons released from H2CO3 

dissociation, which in turn is produced via the hydration of dissolved CO2. The 

overall reaction system was characterised as an EC’ mechanism (coupled catalytic 

chemical reaction), where the CO2 hydration reaction is the rate-limiting step. The 

system is characterised by an increased current under CO2 is higher at slow scan 

rates as compared to fast scan speeds. 
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(2) At low pH and low pyridine concentration (<1mM), the effect of pyridine on the 

reduction current is negligible, in this case the direct proton reduction is the 

dominant electrode process. At these conditions, the effect of CO2 is reflected in 

replenishment of the proton concentration in the vicinity of the electrode and hence 

the increase of the current. Correspondingly, the overall reaction system is of CE 

type (preceding coupled chemical reaction).  

 

(3) Since in any case the enhancement of the reduction current is proportional to the 

excess of dissolved CO2, the reduction current was observed to increase with CO2 

pressure. The limit of the current enhancement observed above ~50 bar is related to 

the saturation limit of CO2 dissolution in aqueous electrolyte. 

The cumulative evidence of the results discussed in this thesis show that the methanol 

formation process seems to be decoupled from the charge transfer on the electrode. 

Instead the results suggest that methanol is rather being produced chemically via 

interaction of CO2 molecules with electrochemically generated hydrogen, mediated by 

pyridine (pyridinium) molecules and probably by Pt surface. This is further supported 

by the experiments with production of methanol on hydrogenated Pd in pyridine 

solution. Further investigation of the methanol production via this route could be 

promising. The bulk production of methanol using CO2-pyridinium system where 

hydrogen is pre- electrochemically generated is worth the investigation. The 

optimisation of the chemical reaction conditions might lead to better methanol yields.  
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Appendix A 

A.1 Reversible Nernstian System: Randle Sevick Equation Derivation 

The direct use of Laplace transform to solve this boundary problem is produced in the 

form of an equation. However the differential equations can be converted into integral 

equations by taking the Laplace transform of equations 1-4 solving for the transform of 

the surface concentrations in terms of the transform of the surface fluxes, then applying 

the convolution theorem 

          
  

 

    

 
      

    

 

 

 

        
 

    

 
      

    

 

 

 

Where 

         
   

  
           

If we combine equation with equations we obtain 

 
    

    
  

 

 

 
          

 

             
                   

 

To obtain the current-time curve numerical solution or the current-potential for the latter 

is proportional to time (equation) some substitutions needs to be made (i.e. the current 

as a function of time       can be changed to the current as a function of potential       

and the  potential scan rate-time to the potential difference (equation)). Integrating 

equation and rearranging gives 

       
                            

This equation relates the current to the variables at any point on the linear sweep 

voltammetry curve. The term                  was calculated by Nicholson and 

Shain. The current reaches maximum limit at                           and the 

peak current    is given by 
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If A is in cm
2
,    in cm

2
/s,   

  in mol/cm
3
, and   in V/s we calculate the second term of 

equation at 25°C we obtain 

                      
   

  
      

A.2 Methanol Faradaic Efficiency Calculation 

The charge transferred defined as current by the time (theoretical charge) 

                                      (1) 

Where Q in Coulomb, I current in A and t in seconds. The experimental charge is 

defined as: 

                              (2) 

Where F is Faraday Number (coulomb. mol
-1

), nmoles is the numbers of moles and ne is 

the number of electrons: 

                  

At 100% Faradaic efficiency the theoretical charge equals to the experimental charge: 

(1)=(2)                                                                                                                                                                                                    

                                                   

The number of moles of electrons: 

          
   

            
        

 

The number of moles for methanol (6 moles of electrons are required to produce, 1 mole 

of methanol) 
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The concentration of methanol in part per million 

Concentration of                
                 

              
 

If 20ml of aqueous electrolyte is taken in consideration  

                     
             

                   
 

                   
            

                  
  
    

 

 

Concentration of                
                 

              
  

   

    
           

A.3 Derivation of the Redox Potential Equation: Interrelation of the 

Simulated Electrode Reactions 

The redox equation is thermodynamically (Nernst equation) derived for hydrated proton 

reduction from a weak acid (pyridinium). 

   
            

The redox potential of the hydrated protons reaction is written in terms of Gibbs energy 

equation: 

       
       

             
      

Nernst equation is written for the acid dissociation  

          
     

        
                               

Similarly the redox potential of the pyridinium reduction is written in terms of Gibbs 

energy equation: 
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Finally the redox potential equation relating the protons reduction to the pyridinium is 

written as follows: 

          
        

              

A.4 Non-Faradaic Currents Equation Derivation 

The non-Faradaic current i flowing at time t when potential E is applied is derived by 

the sum of the charge q on a capacitor as function of the potential and the voltage across 

aa resistor: 

           
 

 
 

Rearranging and taking in consideration i=dq/dt, gives: 

  

  
 
  

  
 
 

 
 

If the uncharged capacitor is considered (q=0 at t=0), the solution is given by: 

           
  

  
   

By differentiation this equation, the following is obtained: 
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Appendix B  

 

Figure B.1 Longitudinal view of the initially designed high pressure vessel 

 

Figure B.2 Close view of the window sealing (Solid works) PTFE film (yellow), 

sapphire window (transparent), pressure ring (gray), PTFE high pressure seal (green) 

pressure distributing ring (black), and pressure screw (pink). 

 

 

Figure B.3 Conax
®

 sealing for electrode wires 
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Figure B.2 High pressure vessel design by Parr® 
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Appendix C 

C.1 Matlab Scripts Used for the Ionic Concentrations Calculations 

C.1.1 Ionic Species Calculations in Aqueous Pyridine Solution 

clear  

kb=1.6e-9; % basic pyridine equilibrium constant 

kw=1e-14; % water equilibrium constant 

s=zeros(14,3); 

N=14; 

spacer=-1:0.1:N; 

pyt=10.^(-spacer); 

counter1=(N+1)/0.1+1; 

s=zeros(counter1,3); 

  

for i=1:counter1; 

       p=[-1 -kb pyt(i)*kb+kw kb*kw]; % Cubic equation obtained in Chapter 5 

       s(i,1:3)=roots(p); 

     for j=1:3; 

        if s(i,j)>0; 

             OH(i)=s(i,j); 

            H(i)=kw/OH(i); 

            pH(i)=-log10(H(i)); 

        end 

     end  

      pyh(i)=(pyt(i)*kb)/(OH(i)+kb); % Pyridinium concentration 

 

      py(i)=pyt(i)-pyh(i); % Pyridinium concentration 

end 

  

figure 

plot(pyt,H,pyt,py,pyt,pyh) 

  

PYratio=pyh./py; 

  

figure 

plot(pyt,PYratio); 

figure 

plot(H,PYratio); 
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C.1.2 Ionic Species Calculations in Aqueous Pyridine-Strong Acid 

System 
 

clear 

ka=6.3e-6; % acidic pyridine equilibrium constant 

kw=1e-14; % water equilibrium constant 

s=zeros(14,3); 

N=14; 

M=10; 

  

spacer=[0:0.1:N]; 

H=10.^(-spacer)'; 

pH=-log10(H); 

OH=kw./H; 

counter=N/0.1+1; 

  

spacer2=[0:1:M]; 

pyt=10.^(-spacer2);% multiply this by 2(*2) or 5 to get the desired 

concentration(e.g.50mM or 200mM) 

counter2=M+1; 

  

pyh=zeros(counter,counter2); 

py=zeros(counter,counter2); 

s=zeros(counter,2); 

  

     for j=1:counter2;%changing pyridine total concentration 

           for i=1:counter;%changing pH/OH 

                 pyh(i,j)=pyt(j)*H(i)/(ka+H(i)); 

                 py(i,j)=pyt(j)-pyh(i,j);     

           end 

       end 

  

plot(H,pyh,H,py) 

PYratio=pyh./py; 

figure 

plot(H,PYratio); 
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C.1.3 Ionic Species Calculations in Aqueous Pyridine-CO2 System 
 

 

clear 

ka2=3.55e-6;% acidic pyridine equilibrium constant 

kw=1e-14; 

ka1=4.45e-7;% CO2 equilibrium constant 

co2=0.3522;% Calculated CO2 concentration at 20°C by Diamond program 

% kh=0.0338; 

  

%N=14;%maximum value of pH 

M=10;%maximum value of Py total 

% P=55;%maximum CO2 pressure (bar) 

  

spacer2=[0:1:M]; 

pyt=10.^(-spacer2); 

counter2=M+1; 

  

pyh=zeros(counter2,1); 

py=zeros(counter2,1); 

H=zeros(counter2,1); 

OH=zeros(counter2,1); 

s=zeros(counter2,2); 

  

for j=1:counter2;%changing py total concentration 

% for i=1:counter3;%changing CO2 pressure 

    d=[-1  -ka2-pyt(j) (ka1*co2)+kw (ka1*ka2*co2)+kw*ka2]; 

    s(j,1:3)=roots(d); 

        for n=1:counter2; 

            if s(n,2)>0; 

               H(j)=s(n,2); 

               OH(j)=kw/H(j); 

               pH(j)=-log10(H(j));  

            end 

            pyh(j)=(pyt(j)*kb)/(OH(j)+kb); 

        end 

            oh=OH(j); 

            hco(j)=(ka1*co2*oh)/kw;%bicarbonate ions concentration 

            py(j)=pyt(j)-pyh(j); 

end 

            

plot(pyt,H) 

PYratio=pyh./pyt;  

pytt=pyt'; 

plot(co2,py); 
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Appendix D 

D.1 CVs under N2 at different concentrations 

 

FigureD.1 CVs under N2 of 5mM pyridine in 0.5MKCl at atmospheric pressure 20°C on 

Pt wire (0.07cm
2
). Inset: current vs. square root of the scan rates <300mV/s 

 

FigureD.2 CVs under N2 of 50mM pyridine in 0.5MKCl at atmospheric pressure 20°C 

on Pt wire (0.07cm
2
. Inset: current vs. square root of the scan rates <300mV/s 
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FigureD.3 CVs under N2 of 100mM pyridine in 0.5MKCl at atmospheric pressure 20°C 

on Pt wire (0.07cm
2
). Inset: current vs. square root of the scan rates <300mV/s 

 

Figure D.4 CVs under N2 of 200mM pyridine in 0.5MKCl at atmospheric pressure 20°C 

on Pt wire (0.07cm
2
) . Inset: current vs. square root of the scan rates <300mV/s 
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Figure D.5 CVs under N2 of 200mM pyridine in 0.5MKCl at atmospheric pressure 20°C 

on Pt wire (0.07cm
2
) . Inset: current vs. square root of the scan rates <300mV/s 

 

D.2 CVs under CO2 at different concentrations at atmospheric 

pressure 

  

Figure D.6 CVs of 10mM pyridine in 0.5MKCl at atmospheric pressure 25°C (blue) 

under nitrogen, (green) under CO2 at (a) 5mV/s, (b) 500mV/s on Pt disk (100µm 

diameter). (c) 5mV/s, (d) 100mV/s on Pt 0.6cm
2 

area. 
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D.3 CVs under CO2 at different concentrations at atmospheric 

pressure 

 

Figure D.7 CVs under 55bar CO2 of 1mM pyridine in 0.5MKCl 20°C on Pt wire 

(0.07cm
2
).  

 

Figure D.8 CVs under 55bar CO2 of 10mM pyridine in 0.5MKCl 20°C on Pt wire 

(0.07cm
2
).  
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Figure D.9 CVs under 55bar CO2 of 50mM pyridine in 0.5MKCl 20°C on Pt wire 

(0.07cm
2
).  

 

Figure D.10 CVs under 55bar CO2 of 100mM pyridine in 0.5MKCl 20°C on Pt wire 

(0.07cm
2
).  
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Figure D.11 CVs under 55bar CO2 of 100mM pyridine in 0.5MKCl 20°C on Pt wire 

(0.07cm
2
).  
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D.4 Mass spectra of methanol (CH3OH), ethanol (C2H6O), isopropanol 

(C3H8O), pyridine  and butanol 

 

Figure D.12 Mass spectrum of methanol 

 

Figure D.13 Mass spectrum of ethanol (C2H6O) 
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Figure D.13 Mass spectrum of  isopropaanol 

 

Figure D.14 Mass spectrum of butanol 

 

 

Figure D.15 Mass spectrum of pyridine 
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Figure D.16 CO2 saturation of aqueous electrolyte containing 10mM pyridine at 50bar 
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D.5 HS GC-MSD Method Development (samples specification/GC 

conditions) 

Table D1 Head space method development 

Sample 

Number 

Thermal 

Gradient 

°C/Min 

Pressure 

Psi 

Initial 

Temp 

°C 

Temp 

holding 

time 

/Min 

Time 

Delay 

/Min 

Syringe 

Type 

300 20 3.5 40 0.5 0.5 Agilent 

301 20 4.5 40 0.5 0.5 Agilent 

302 20 4 40 0.5 0.5 Agilent 

303 20 4 50 0.5 0.5 Agilent 

304  20 4 50 0.5 0.5 Agilent 

305 25 4 50 0.5 0.5 Agilent 

306 20 3.5 40 1 1 Agilent 

307 20 3 40 1 1 Agilent 

308 20 2 40 1.5 1.5 Agilent 

309 30 2 40 1 1 Agilent 

310 30 2 40 1.5 1.5 Agilent 

311 30 2 40 1.5 1.5 Agilent 

312 40 2 40 1.5 1.5 Agilent 

313 30 2.5 40 1.5 1.5 Agilent 

314 30 4 50 1 1 Agilent 

315 20 4 50 0.5 0.5 Agilent 

316 20 4 50 0.5 0.5 Agilent 

317 20 4 50 0.5 0.5 Agilent 

318 20 2 50 1 1 Agilent 

319 30 2 40 1.5 1.5 Agilent 

320 30 2 40 1.5 1.5 Agilent 

321 30 2 40 1.5 1.5 Agilent 

322 30 2 40 1.5 1.5 Agilent 

323 30 2 40 1.5 1.5 Agilent 

324 30 2 40 1.5 1.5 Agilent 

325 30 2 40 1.5 1.5 Hamilton 

326 30 2 40 1.5 1.5 Hamilton 

 

 

Best  at pressure 4 psi    

 

Best at pressure 2psi 

 

Conditions to investigate 

 


