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Abstract 

Novel Electrode Materials for Carbon Dioxide  

and Dioxygen Reduction  

 

Ghazaleh Ghadimkhani, PhD 

 

The University of Texas at Arlington, 2013 

 

Supervising Professor: Krishnan Rajeshwar 

In the first part of this study, solar photoelectrochemical reduction of carbon dioxide to 

methanol in aqueous media was driven on hybrid cupric/cuprous oxide (CuO/Cu2O) 

semiconductor nanorod arrays for the first time. A two-step synthesis was designed and 

demonstrated for the preparation of these hybrid one-dimensional nanostructures of copper oxide 

on copper substrates. The first step was consisted of the growth of CuO nanorods by thermal 

oxidation of a copper foil at 400 °C. In the second step, a controlled electrodeposition of p-type 

Cu2O crystallites on the CuO walls was performed. The resulting nanorod morphology with 

controllable wall thickness by adjusting the Cu2O electrodeposition time as well as their 

surface/bulk chemical composition were probed by scanning electron microscopy, energy 

dispersive X-ray analysis, X-ray diffraction and Raman spectroscopy. Photoelectrosynthesis of 

methanol from carbon dioxide was demonstrated at -0.2 V vs. SHE under simulated solar 

irradiation on optimized hybrid CuO/Cu2O nanorod arrays electrodes and without assistance of 

any homogeneous catalyst (such as pyridine or imidazole) in the electrolyte. Morphology and 

composition of the hybrid CuO/Cu2O photoelectrodes were found to be crucial for efficient 

performance in methanol generation under solar illumination. Methanol formation, tracked by gas 

chromatography equipped with mass spectrometer, indicated Faradaic efficiencies of up to 95%. 

In the second part of this research, the electrochemical properties of newly synthesized 

Flavin, - bis (2,2,2-trimethylammoniumethyl) - alloxazine dibromide, (thereafter denoted as Fl2+) 
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was studied on three different types of electrode materials including, glassy carbon (GC), gold (G) 

and copper / copper oxide (Cu/Cu2O). Cyclic voltammetry (CV) was used to determine the 

interaction of Fl2+ with the electrodes in terms of redox potentials and reduction reaction control 

(surface vs. mass transport). The speciation and mechanistic details of the electroreduction and 

protonation of Fl2+ in aqueous electrolytes was studied at selected pHs in the range from 1 to 10. 
Spectroelectrochemistry was performed in integral and differential modes to determine the 

mechanistic details of this electroreduction process. The electrochemical reactions were carried 

out under dark and light conditions to observe whether or not light has any effect on the redox 

behavior of this compound.  Also, the electrocatalytic performance of Fl2+ when the electrolyte 

was saturated with different gases such as, oxygen (O2) or carbon dioxide (CO2) was obtained 

and compared with blank runs under same electrolyte conditions but saturated with nitrogen (N2).  
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Chapter 1  

Introduction 

1-1 Electrochemistry 

Electrochemistry is a branch of analytical chemistry that deals with the 

interconversion between the electrical and chemical energy. Its application in everyday 

life expands from batteries, controlling corrosion, metallurgy, electrolysis and even 

electrorefining processes in the manufacture of copper pipes carrying drinking water to 

households to technological advances like solar heating, electric cars and generally 

anything that involves energy storage.1-3  Electrochemical measurements on chemical 

systems are carried out for various reasons including, acquisition of thermodynamic data 

about a reaction, generation of unstable intermediates like radicals, study of the formation 

or degradation rate of these species through spectroscopic properties and analysis of 

trace amount of metals and organic compound in different systems.3 Oxidation and 

reduction reactions play an important role in all of these electrochemical processes. An 

oxidation reaction involves the loss of one or more electrons from chemical species while 

a reduction reaction is the gain of one or more electrons by chemical species. It is not 

possible to have one process without the other one and the combination of these two 

processes together is called redox reaction.2 According to these definitions, the main 

principle of electrochemical processes is based on the movement of electrons in a 

system; electrons can flow from the oxidized species, which is also called the reducing 

agent or reductant, to the reduced species, which is also called the oxidizing agent or 

oxidant.1  

An electrochemical cell typically consists of two electronic conductors called 

electrodes and two ionic conductors (for instance, cations and anions) in an electrolyte. 

An electrochemical reaction occurs at each electrode which is called half-cell reaction. 
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The sum of the reduction potential of the cathode and the oxidation potential of the anode 

in their half-cells is defined as cell potential.2 There are two types of pathways related to 

electron flow in an electrochemical cell, galvanic and electrolytic processes.1-3 The former 

one is when the electron flow is produced spontaneously by the reaction and converted 

into electricity, as it takes place in a galvanic cell, and the latter one is a non spontaneous 

reaction proceed by an outside source, as it happens in an electrolytic cell.3 

Galvanic cell is an electrochemical cell in which chemical energy is converted into 

electrical energy. It has been used as batteries, pH meters, and fuel cells.1,2  In the 

galvanic cell, as shown in Figure 1-1a, the oxidation and reduction half-reactions are 

connected by a wire and a salt bridge which is used to transfer the ions in solution to 

maintain charge neutrality in each half-cell.4 Electrical current is created when the 

electron flows through the wire. Standard reduction potential of each half-cell determines 

the direction of the current in a cell. For a reaction to be spontaneous, the overall cell 

potential must be positive.1,2  

A galvanic cell which has two equivalent half-cells of different concentrations is 

called concentration cell and the potential for this cell can be calculated using the Nernst 

equation. The Nernst equation is used to calculate the cell potential at any conditions and 

suggests the construction of concentration cells such as pH meters or other ion-selective 

electrodes.3 

E = E°′ +
RT
nF

ln
CO
CR

                                                                                                                                 (1.1) 

where E is the potential at any condition and E⁰’ is the potential at standard condition 

(formal potential), R is the gas constant and T is the absolute temperature. CO and CR 

are the concentrations of oxidized and reduced species, respectively.3  
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 Electrolytic cell, as illustrated in Figure 1-1b, is a cell that consumes electrical 

energy to drive non-spontaneous redox reactions affected by the imposition of an 

external potential.4 So, an electrolytic cell is the inverse of a galvanic cell.2,4  For example, 

a galvanic cell can be made from the spontaneous reaction of hydrogen and oxygen to 

produce water and electricity, but an electrolytic cell can combine water and electricity to 

produce hydrogen and oxygen in a non-spontaneous reaction. Commercial processes, 

which utilize electrolytic cells, include electrolytic production of chlorine and aluminum, 

electrorefining, and electroplating.3  

An electrochemical system consists of three different electrodes, working, 

counter, and reference electrode. The working electrode is the electrode in which the 

reaction of interest is occurring.2,3 It is often used in conjunction with a counter electrode, 

and a reference electrode in a three electrode system. Depending on whether the 

reaction on the electrode is a reduction or an oxidation, the working electrode can be 

referred to as either cathodic or anodic. Gold, silver, platinum, inert carbon such as 

glassy carbon or pyrolytic carbon, mercury drop and film electrodes are considered as 

Figure1-1 Schematic diagram of galvanic and electrolytic cell (Reprinted from reference 4). 
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common electrodes. For the analysis of both organic molecules and metal ions 

chemically modified electrodes are employed as well. The counter electrode, along with 

the working electrode, provides circuit over which current is either applied or measured. 

The potential of the counter electrode is not measured and is adjusted to balance the 

reaction occurring at the working electrode. This configuration allows the potential of the 

working electrode to be measured against a known reference electrode without 

compromising the stability of that reference electrode by passing current over it.2,3 A 

reference electrode is an electrode which has a stable and well-known electrode 

potential. The high stability of the electrode potential is usually reached by employing a 

redox system with constant (buffered or saturated) concentrations of each participants of 

the redox reaction. An electrode circuit in a potentiostat is displayed in Figure 1-2.3 This 

circuit functions by maintaining the potential of the working electrode at a constant level 

with respect to the reference electrode by adjusting the current at a counter electrode.3,5 

 

To understand the role of electrochemistry in different chemical reactions, variety 

of electrochemical methods have been developed, which can be used to study the 

behavior of different species in a reaction. These methods can either lead to acquisition 

Figure 1-2 Schematic diagram of an electric circuit in a three electrode system 

(Reprinted from reference 3). 
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of quantitative information about a chemical reaction like number of electrons transferred 

or study the redox behavior of compounds. Electrochemical methods can be categorized 

in three main classes including, potentiometry, voltammetry, and coulometry.3  

Potentiometry measures the potential of a solution between two electrodes under no 

current flow in the system and then the measured potential is frequently used to 

determine the analyte quantity. Voltammetry applies a constant/varying potential at the 

working electrode and measures the resulting current. This method will give information 

about the redox potential of an analyte and its electrochemical activities. Coulometry 

utilizes applied current or potential to completely convert an analyte from one oxidation 

state to another and the total current passed is used to measure the number of electrons 

transferred in the system. One of the most common coulometry techniques is bulk 

electrolysis which will be discussed in more details.3,5 To better understand the carbon 

dioxide (CO2) reduction and mechanism and speciation of organic compounds (here 

flavins) some of these techniques have been discussed in more details. 

Electrolysis is a common electrochemical method that can be performed under 

potential or current control. In controlled-potential techniques, which are the most 

desirable for bulk electrolysis, the potential of the working electrode is maintained 

constant with respect to the reference electrode. When performing a controlled-potential 

technique, it is better to keep the counter electrode in a separate compartment so that the 

reaction happening to this electrode does not interfere with the main reaction related to 

the working electrode surface.3 In controlled-current techniques, the current passing 

through the cell is held constant. Although, these techniques frequently involve simple 

instrumentation than controlled-potential methods, they require either a special set of 

chemical conditions in the cell or specific detection methods. This method is also 

performed as bulk electrolysis when the electrochemical reaction is allowed to occur 
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completely.3,5 In either potentiostatic coulometry or controlled current coulometry, the 

passage of electric current through an ionic substance incites chemical reactions at 

electrodes and separation of materials. Electrolysis includes chemical changes 

accompanying faradaic reactions, in which the amount of chemical reaction caused by 

the flow of current is proportional to the amount of electricity passed at electrodes in 

contact with electrolyte.3 This method utilizes a large electrode area (A) to solution 

volume (V) ratio and generally employs a three electrode system controlled by 

a potentiostat as shown in Figure 1-3.6 The working electrode is held at a 

constant potential and then current is monitored over time. In a process of bulk 

electrolysis, an analyte is converted from its original oxidation state to a new one, 

either reduced or oxidized depending on the applied potential.3 As the substrate is 

consumed, the current decreases, approaching zero when the conversion is nearly to 

completion. The results of bulk electrolysis experiments are visually displayed as the 

total coulombs passed plotted versus time in seconds, even though the experiment 

measures electric current over time. This is carried out to show that the experiment 

approaches an expected total number of coulombs.3 One significant use of electrolysis is 

the electrolysis of water which leads to production of hydrogen molecules for fuel cells 

and oxygen production as a fuel for space crafts and marines.7   
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Linear sweep voltammetry and cyclic voltammetry are examples of potential-

sweep techniques in which the electrode potential is ramped between two potential limits 

at a particular scan rate while the electrode current is monitored.3 The resulting curve is 

known as a voltammogram and provides information on the rate of electrochemical 

reactions as a function of potential. From the sweep-rate dependency of the voltammetric 

data, several quantitative properties of the charge-transfer reaction can be determined. 

Cyclic voltammetry is the most useful sweep method among other quantitative 

techniques for investigating electrochemical behavior of compounds.2,3,8  It was first 

reported in 1938 and described theoretically by Randles.3 In this technique, flowing 

current between the electrode of interest, whose potential is monitored with respect to a 

reference electrode, and a counter electrode is measured under the control of a 

 Figure 1-3 Schematic representation of a bulk electrolysis cell (Reprinted from reference 6). 
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potentiostat. The voltammogram determines the potentials of different electrochemical 

processes occurred during chemical reactions. In a voltammetry process, the working 

electrode is subjected to a triangular potential sweep, whereby the potential rises from a 

start value, Ei, to a final value, Ef, then returns back to the start potential at a constant 

potential sweep rate. The applied sweep rate can vary from a few milivolts per second to 

a hundred volts per second. The measured current during this process is often 

normalized to the electrode surface area and referred to as the current density.3,8 The 

current density is then plotted against the applied potential, and the result is referred to 

as a cyclic voltammogram. A peak in the plot of measured current versus potential shows 

the characteristic of any electrode reaction. The peak width and height for a particular 

process depends on the sweep rate, electrolyte concentration, and the electrode 

material. Cyclic voltammetry elucidates the kinetics of electrochemical reactions taking 

place at electrode surfaces.8 Multiple peaks as well as single ones, as displayed in Figure 

1-4, can be appeared in a typical voltammogram. It is possible to investigate the role of 

adsorption, diffusion, and coupled homogeneous chemical reaction mechanisms based 

on the sweep-rate dependency of the peak amplitudes, widths and potentials observed in 

the voltammogram.3,8  

 

 

 

 

 

 

 

 Figure 1-4 Typical cyclic voltammogram (Reprinted from reference 3). 
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Important parameters for a cyclic voltammogram are the peak potentials (Ep) and 

peak currents (ip). If a redox system remains in equilibrium (Ox + e- ↔ Red) throughout 

the potential scan, it is said to be reversible. The equilibrium requires that the surface 

concentrations of oxidized (Ox) and reduced (Red) species are maintained at the values 

in agreement with the Nernst equation presented in eq. (1.1).3  

The following parameter values are used to characterize the cyclic 

voltammogram of a reversible process. First, being the peak to peak potential separation 

(ΔEp) as follows, 

ΔEp = Epc - Epa                                                                                                                                                                            (1.2) 

where Epc and Epa are cathodic and anodic peak potentials, respectively. The 

charge transfer will be facile, if ΔEp equals to 58/n mV at all scan rates and 25 oC. 

Second, being the peak current ratio which indicates the reversibility of the redox 

reaction. Last, being the relationship between the peak currents and the scan rate which 

differentiate between a surface confined process, if the peak current is directly 

proportional to the scan rate, or mass transport controlled process, if the peak current is 

directly proportional to the square root of scan rate. For a reversible process, the peak 

current is given by the Randles-Sevcik equation3 as follows, 

ip = 2.69×105×n3/2×A×C×D1/2×ν1/2                                                                                  (1.3) 

where ip is the peak current in amperes (A), n is the number of transferred 

electrons, A is the electrode surface area in cm2, C is the concentration of the analyte in 

the sample in molarity, D is the diffusion coefficient in cm2/s and ν is the kinematic 

velocity in cm/s. Formal potential, Eo', is given by the mean of the peak potentials.3,5 
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In order to study the mechanism of different types of compounds in more detailed 

manner, spectral techniques can be coupled with electrochemical methods to give better 

understanding of the redox reactions. Spectroelectrochemistry is a powerful method to 

continuously analyze variety of compounds and study the behavior of different species 

through the passage of light and electricity. It is a combination of electrochemistry and 

spectroscopy to study the redox chemistry of organic and inorganic compounds. In other 

word, the oxidation states of the compounds are changed electrochemically by addition 

or removal of electrons at the electrode surface while spectral measurements in the 

solution corresponds to the species which are simultaneously formed. Such techniques 

are convenient means for obtaining spectra and redox properties of different groups of 

complexes.3  

One of the simplest spectroelectrochemical experiments is to use a light beam in 

the UV-Visible range where the beam directly goes through the electrode surface and the 

changes in the absorbance due to the formation or disappearance of different 

Figure 1-5 Schematic illustrations of the spectroelectrochemical cell and the platinum 

minigrid working electrode (Reprinted from reference 9). 
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compounds is measured simultaneously. One of the main requirements for these 

experiments is an optically transparent electrode (OTE). There are several types of OTEs 

including, thin films of semiconductors, metal deposited on glass, quartz or plastic 

substrate, and fine wire mesh, minigrids, with several hundred wires per centimeter.3 

Figure 1-5 is a display of the electrochemical cell with a platinum minigrid as working 

electrode.9    

In conclusion, spectroelectrochemistry is an exceptionally precise method to 

spectroscopic study of electrochemical processes, which simultaneously demonstrates 

the formation and disappearance of redox species. And it helps to understand the exact 

mechanism in which these formations and disappearances are taking place.  

1-2 Photoelectrochemistry 

Photoelectrochemistry studies the interaction between light and electrochemical 

systems. In another word, it is the reaction on the electrode in an excited state.10 This 

excitation can be originated from an electrode (metal or semiconductor) or a substance 

(adsorbed molecules) at the interface between the electrode and a solution.10 In 

photoelectrochemical experiments, irradiation of an electrode with light, absorbed by 

electrode material, causes the production of a current which is called photocurrent.3 The 

dependence of photocurrent on the wavelength, electrode potential, and solution 

composition provides information about the nature of photoprocesses and their energetic 

and kinetics.3 Early work has been done by a French scientist called Becquerel who 

observed a current flow through the external circuit when two metal electrodes (selected 

from platinum, gold, silver, and brass) were immersed into acidic, neutral and alkaline 

electrolytes and one of the electrodes was exposed to sunlight.10,11 Since his attempts in 

1839, more extensive studies have been conducted on photoelectrochemical and 

electrochemical reactions where electrolyte solution was irradiated. In recent years, 
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tremendous surge of interest has been developed in the field of photoelectrochemistry, 

particularly in the application of photoelectrochemical systems to the problem of solar 

energy conversion and storage.12 This activity has been stimulated by the public 

awareness, and concern with, the problem of developing new energy sources to 

supplement, and eventually replace, fossil fuels.12 In a historical context, it is interesting 

to note that most of the studies in the 1970s and the early 1980s were oriented toward 

the photovoltaic conversion, the conversion of sunlight to electrical power, and energy 

storage possibilities with photoelectrochemical (PEC) devices. In the late 1980s and with 

the falling of oil prices a reorientation of PEC studies toward materials synthesis, 

processing, and characterization particularly with the electronics industry as a target 

consumer was promoted.13,14 Simultaneous with this trend was the realization that PEC 

methods, and specifically photochemistry (PC) techniques, which can play a useful role in 

hazardous waste treatment.13,15-27 Until now, photovoltaics has been dominated by solid-

state junction devices, often made of silicon. Recently, the emergence of a new 

generation of photovoltaic cells, based on nanocrystalline materials and conducting 

polymer films has been the topic of most studies.28 These cells offer the prospect of 

cheap fabrication together with other attractive features, such as flexibility. The 

phenomenal recent progress in fabricating and characterizing nanocrystalline materials 

has opened up whole new window of opportunity. Surprisingly, some of the new devices 

have high conversion efficiencies, which compete with those of conventional devices.28  
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Figure 1-6 Different types of photoelectrochemical cells for p-type (a, c, and e) and n-type 

(b, d, and f) semiconductors (Reprinted from reference 3). 

All phenomena associated with the photoelectrochemical systems are based on 

the semiconductor-electrolyte interface.3 There are three types of photoelectrochemical 

cells including, photovoltaic cells, photoelectrosynthetic cells, and photocatalytic cells.3 

Photovoltaic cell converts light to electricity with no net charge in the solution composition 

and electrode material. In photoelectrosynthetic cells the net cell reaction is driven by 

light in the non-spontaneous direction so that the radiant energy is stored as the chemical 

energy.3 Photocatalytic cells are similar to photoelectrosynthetic cells except the reaction 

is driven in a spontaneous direction which normally would be very slow in the dark, so the 

light energy is being used to overcome the energy of the activation process.3 The 

efficiency of last two systems is often low. Schematic illustration of these cells is depicted 

in Figure 1-6.3  
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The main compartment of every PEC is the semiconductor which converts 

incident photon to electron-hole pairs.3 Based on the electrical conductivity, materials are 

classified into three groups, conductors, insulators, and semiconductors. Semiconductors 

are substances with the property between insulators and conductors (metals).3 It is well 

known that in a solid material, the atoms are compacted, due to so closely spaced 

orbitals which are essentially present as continuous bands, rather than isolated atoms 

with individual energy levels. The filled bonding orbitals constitute the valence band (VB) 

and the vacant antibonding orbitals constitute the conduction band (CB).  The gap 

between the valence and conduction bands is known as the band gap and it is measured 

in the units of electron volts. A schematic description of the electronic energy structure for 

solids is shown in below in Figure 1-7.3 In the case of semiconductors, the band gap is 

not too large, and the excitation of electrons by required energy causes them to move 

from the valence band to the conduction band, thereby facilitating conduction of 

electricity. The excitation could be caused by thermal energy or light energy.3 

Figure 1-7 Electronic energy structure of solids (Reprinted from reference 3). 
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1-3 Photoelectrochemical Conversion of CO2 

Global warming29 is an unusually rapid increase in the temperature of earth’s 

surface for the past few decades and scientists are convinced that greenhouse gases are 

the origin of this effect which can lead to extreme weather patterns, extinction of animal 

species, and so on. The reason for this increase in temperature is the phenomenon 

called greenhouse effect. When solar radiation passes through the atmosphere, about 

50% of it is absorbed by the earth’s surface and serves to warm our planet so that it 

becomes habitable; the rest is reflected back by the earth’s surface and its atmosphere. 

This reflected radiation is trapped due to the molecular vibrations and infrared absorption 

of the greenhouse gases including, water vapor (H2O), carbon dioxide (CO2), methane 

(CH4), ozone (O3), chlorofluorocarbon (CFC), and nitrous oxide (NO), and reemitted in all 

directions, specially back to the earth’s surface which leads to an increase in the average 

temperature of the atmosphere near the earth.29 One of the biggest contributors to the 

greenhouse effect is CO2. Despite being the relatively weak greenhouse gas, so much 

CO2 has been emitted in the air that it has the largest effect on the greenhouse effect. 

The amount of CO2 has been increased due to burning of fossil fuels in cars, power 

plants and industry.30 Thus, the reduction of CO2 to fuels and organic compounds using 

light, electricity, or a combination of both, has been the topic of numerous studies since 

1800s, although rapid progress was made only since the 1970s.  

Figure 1-8 indicates the contribution of CO2 among greenhouse gases and also 

the total emissions of CO2 from fossil fuels in 2011.30 A major challenge in conversion of 

CO2 relates to the fact that its molecule is extremely stable and is kinetically inert.   
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The most common redox reactions that are related to CO2 reduction are as follows31: 

CO2 + H+ + 2e-                   HCOO-           E⁰=-0.61 V vs. NHE                           (1.4) 

CO2 + 2H+ + 2e-                 CO + H2O           E⁰=-0.53 V vs. NHE                           (1.5) 

CO2 + 6H++ 6e-                   CH3OH + H2O         E⁰= -0.38 V vs. NHE                          (1.6) 

CO2 + 8H+ + 8e-                 CH4 + 2H2O            E⁰= -0.24 V vs. NHE                          (1.7)  

Several techniques have been developed by scientists to find the best way to 

reduce carbon dioxide to useful products. For over a century, electrochemical reduction 

of carbon dioxide has been studied due to its significant impact as a solution for both the 

energy and environmental issue. Using carbon dioxide as a feedstock is a way to control 

CO2 levels in atmosphere. In this method, electricity generated from renewable energy 

sources such as solar, wind, hydro, nuclear, wave, tides, and geothermal serves as an 

external power supply for electron transport. With highly efficient electrocatalysts designs, 

carbon dioxide reduction reaction to valuable compounds and alternative fuels can 

displace the conventional fuels and ease the world’s dependence on fossil fuels.32   

Figure 1-8 Pie chart for the contribution of CO2 as a greenhouse gas (a) and total 

emissions of CO2 due to the burning of fossil fuels (b) (Reprinted from reference 30). 
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Electrochemical reduction of CO2 at solid electrodes yields to different kinds of 

organic substances like carbon monoxide (CO), methane (CH4), ethanol (C2H5OH) and 

methanol (CH3OH).31 Electrode materials for reduction of CO2 can be categorized in 

three different groups.33 These three groups are differentiated based on two major 

factors, hydrogen overpotential and CO adsorption on the electrode surface. 33 

Overpotential is usually defined as the difference between the potential of an electrode 

under the passage of current and the thermodynamic value in the absence of 

electrolysis.31 Thus, hydrogen overpotential corresponds to a wide window of potential in 

which the hydrogen production occurs. Adsorption of CO on metal surfaces, known as 

poisoning electrode surface, is frequently correlated with hydrogen adsorption because 

both molecules compete for surface sites. The affinity of these species for metal surface 

depends strongly on the metal itself and may take place in a dissociative fashion, for 

instance as Hads, hydrogen adatoms, or in a molecular form, H2. In general, dissociative 

adsorption is an adsorption with dissociation into two or more fragments which both or all 

are bound to the surface of the adsorbent. Molecular adsorption indicates a weak 

interaction between the species, for instance CO of H2, and the metal surface, and they 

can be eliminated from the surface by raising the temperature of the metal.31   

The first group of metal electrodes comprises of those with high hydrogen 

overpotential and negligible CO adsorption including, mercury (Hg), cadmium (Cd), lead 

(Pb), indium (In), tin (Sn), and thallium (Tl).33 The former property enables them to 

prevent the hydrogen production at positive potentials. Low CO adsorption onto these 

electrode surfaces relates to the ability of this group to desorb the CO produced in the 

reaction, in this way avoiding the poisoning effect. Both of these characteristics are 

positive aspects of using these groups of metals for CO2 reduction. However, they are 

poor electrocatalysts in a sense that they cannot break the C-O bond in CO2 so the main 
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product of their reaction is either formate or formic acid. Furthermore, they are highly toxic 

and therefore not environmentally favorable. 33   

The second group consists of low hydrogen overpotential with a strong strength 

for CO adsorption such as, platinum (Pt), nickel (Ni), iron (Fe), and titanium (Ti).33 In this 

group of metals, CO2 is reduced to form strongly adsorbed CO and this adsorption, which 

poisons the electrode surface, in turn decreases the electroactive surface area and 

forces the electrochemical reaction to stop. Although, if the reaction is pushed further by 

applying more cathodic current, generation of molecular hydrogen turns out to be  the 

main electrochemical product. Therefore, the low hydrogen overpotential property in this 

group does not let the electrode to go further in the negative potential to reduce CO2 and 

leads to hydrogen production as the main product. 33 

The last group comprises of metal electrodes with medium hydrogen 

overpotential and weak CO adsorption like, gold (Au), silver (Ag), zinc (Zn), and copper 

(Cu).33 They can be considered as one of the best group of metals that have the ability to 

break the C-O bond and reduce carbon dioxide to CO with a high current efficiency. 

Among these metals, only copper can reduce CO to hydrocarbons. 31  

Therefore, copper electrodes are considered as the most promising candidates 

for the hydrocarbon production. Copper electrodes have been used in different manners 

such as, Cu-alloys, Cu-coated metallic electrodes, Cu based composites, and Cu 

modified with other transition metals.31 Thorough investigation for electroreduction of CO2 

to hydrocarbons has been reported by Hori and his group on copper foil electrodes.34,35 

The effect of aqueous36-45 and non-aqueous46-54 electrolytes on the faradaic efficiency 

and distribution of product have been studied using metallic copper electrodes or mixture 

of that with other transition metals for CO2 electroreduction. Electrocatalytic activities of 



 

19 
 

copper electrodes for CO2 reduction have also been reported.54-58 Electroreduction of 

CO2 using copper electrodes is summarized in Table 1.1.31 

Table 1-1 Trends in carbon dioxide electroreduction from 1998-2005. 

Year Electrode material Experiments parameters Main products Refs 

1998 Cu-Zn Electroreduction at -1.30 V C2H4, C3H7OH 42 

1999 
Cu Aqueous media CH4, C2H4 49 

Cu CSOH/Methanol CH4, C2H4, H2 50 

2002 
Cu Aqueous NaHCO3 CH4 38 

Cu-Rh, Cu-Ru Method: EQCM with CV CO, CH4 39 

2004 Cu mesh Neutral solution C2H4, H2 47 

2005 
Cu Deactivation of Cu CH4 31 

Cu-Au 0.1 M KHCO3 and K2SO4 CH4, C2H4 40 

 

However, the multielectron (6e-) transfer for the conversion of CO2 to methanol 

has not been reported in most of these works. The reasons for that are the high amount 

of energy needed for this conversion and also the deactivation phenomena that these 

groups of metals are suffered usually 20-30 minutes after the start of electrolysis which 

greatly depends on the chemical reagent that has been used.31 Herein, another step was 

taken through a better and more efficient way to use copper electrodes for CO2 

electroreduction. In addition, one of the best ways to address the issue of required high 

energy for the conversion is to consider solar energy as the driving force.  Unfortunately, 

metallic copper electrodes are inactive under the passage of light. Thus, the most 

effective way to take advantage of solar energy with copper electrodes is the utilization of 

their oxides, which are semiconductors and therefore can be used as an electrode 

material for photoelectroreduction of CO2. Given that CO2 is a greenhouse gas, using 
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sunlight to convert CO2 to transportation fuel, such as methanol, represents a value-

added approach to the simultaneous generation of alternative fuels and environmental 

remediation of carbon emissions from the continued use of conventional fuels. 

Copper oxide has two different metal oxidation states, cuprous oxide (Cu2O) and 

cupric oxide (CuO); these two compounds have energy band-gaps of ~ 2.0-2.2 eV and 

1.3-1.6 eV, respectively.59 Additionally both oxides have high absorption coefficients over 

a substantial portion of the solar spectrum, as shown in Figure 1-9.60 

Importantly, from a sustainability and toxicity perspective, the component 

elements are plentiful and relatively less toxic in comparison to other elements such as 

Cadmium (Cd) or Arsenic (As), which are present in other compound semiconductors like 

Gallium Arsenide (GaAs) and Cadmium Telluride (CdTe).61-63 The position of conduction 

band edge lies at very negative potentials, relative to other oxides such as titanium oxide 

(TiO2)34 and tungsten oxide (WO3)64, translating to high reducing power for the 

photogenerated electrons.32 Semiconductor colloids such as Cadmium Sulfide (CdS) and 

Figure 1-9 Spectral distribution of solar photon flux and the band position of copper 

oxide semiconductor (Reprinted from reference 60). 
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Zinc Sulfide (ZnS) have been used by other authors for the photocatalytic reduction of 

CO2. The products in these cases are mostly formate and/or formaldehyde.65 Two-

electron reduction products such as CO and formic acid have been reported in some 

cases in place of the (more difficult) six-electron conversion to methanol.These 

photoelectrons have been employed for the photogeneration of H2 from water using both 

Cu2O and CuO.  Also, both of these oxides were demonstrated to afford high 

photocurrent densities for water reduction to hydrogen. Despite high electrocatalytic 

activity of copper and its oxides for CO2 reduction there were no reports for the use of 

copper oxides for the photoreduction of CO2. Thus, the inspiration for using 

copper/copper oxides photoelectrodes in this thesis originated from the Cu catalytic 

properties and the excellent matching of the Copper oxide band gaps with the energy of 

the solar light.  

The crystal structures of these photoactive oxides together with the Cu structure 

are shown in Figure 1-10. 66 

 
Selective conversion of CO2 to methanol has several redeeming features 

especially in light of the fact that large amounts of this chemical are manufactured world-

Figure 1-10 Crystal structures of copper and its oxides (Reprinted from reference 66). 
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wide.  For example, in the U.S. alone there are eighteen methanol production plants with 

a cumulative annual capacity of over 2.6 billion gallons.67,68 However, the current 

feedstock for this production is hydrocarbon-based with a sizeable carbon footprint. 

Further, the high operating pressures and temperatures needed for steam reforming 

translates to correspondingly high capital investment and a long energy pay-back period. 

Therefore mild methods for producing methanol from environmentally problematic 

feedstocks such as CO2 take on added importance.32  

One limitation for using Cu2O as a photoelectrode is its poor stability in aqueous 

electrolytes because the redox potential for Cu2O/Cu0 is located within the band gap of 

the semiconductor. The performance/stability of Cu2O photoelectrodes can be however 

enhanced by metal and/or semiconductor coatings64,69 as well as solution electron 

shuttles such as methyl viologen.64 For instance, the stabilization of electrodeposited 

Cu2O photoelectrodes by a nickel (Ni) surface protection layer and the use of an electron 

shuttle in solution has been reported.64 Also, enhanced photoactivity of electrodeposited 

Cu2O was recently reported under a surface protection consisting of Al-doped ZnO and 

TiO2 nanolayers to avoid photocathodic decomposition.69 These films were also activated 

with Pt nanoparticles to enhance solar hydrogen generation.69 Photocurrents for 

electrodeposited Cu2O were separately optimized for solar H2 generation without using 

any surface treatment.70 

While recent attempts have been focused in protecting layers,64,69 metal and/or 

semiconductor on Cu2O photocathodes in order to move out the photogenerated minority 

carriers, electrons, and thus avoiding Cu2O photocorrosion to Cu0, none has intended to 

use hierarchical CuO/Cu2O (core/shell) nanorod heterostructures. The importance of 

using nanostructured photoelectrodes is mainly to enhance the separation of 

photogenerated electrons and holes in the structure of these oxide semiconductors. First, 
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by transporting Cu2O photoelectrons toward the CuO inner wire and second, by 

increasing charge separation, holes to Cu2O and electrons to CuO, thus enhancing 

charge transfer to the electrolyte.   

 In this dissertation, solar photoelectrochemical reduction of carbon dioxide to 

methanol in aqueous media is investigated on hybrid CuO/Cu2O semiconductor nanorod 

arrays for the first time at potentials ca. 800 mV below the thermodynamic threshold 

value and at Faradaic efficiencies of ca. 95%.62 The CuO/Cu2O nanorod arrays were 

prepared on Cu substrates by a two-step approach consisting of the initial thermal growth 

of CuO nanorods followed by controlled electrodeposition of p-type Cu2O crystallites on 

their walls.62 The resulting nanorod morphology with controllable wall thickness by 

adjusting the Cu2O electrodeposition time as well as their surface/bulk chemical 

composition were probed by scanning electron microscopy, X-ray diffraction and Raman 

spectroscopy. Photosynthesis of methanol from carbon dioxide was demonstrated at -0.2 

V vs. standard hydrogen electrode (SHE) under simulated air mass (AM) 1.5 solar 

irradiation on optimized hybrid CuO/Cu2O nanorod electrodes and without addition of any 

homogeneous co-catalysts, such as pyridine, imidazole or metal cyclam complexes, were 

used contrasting with earlier studies on this topic using p-type semiconductor 

photocathodes. The roles of the core/shell nanorod electrode geometry and the copper 

oxide composition were established by varying the time of electrodeposition of the Cu2O 

phase on the CuO nanorod core surface. The hybrid composition ensuring double 

pathway for photoelectron injection to CO2 along with high surface area was found to be 

crucial for efficient performance in methanol generation under solar illumination.32 
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1-4 Electrochemical Study of Flavins 

The yellow-colored compounds with the basic structure of 7,8-dimethyl-10- 

alkylisoalloxazine are generally termed as flavins.71 flavins are unique compounds in 

nature which take part in many biochemical reactions as coenzymes and photoreceptors. 

Riboflavin, the precursor of all the biologically important flavins, was first reported 

as lactochrome, a bright yellow pigment isolated from cow milk in 1879.72 Majority of 

flavins are existed as flavocoenzymes, mainly as flavin adenine dinucleotide (FAD), and 

in lesser amounts as flavin mononucleotide (FMN). Structures of all three compounds are 

illustrated in Figure 1-11.71 chemical reactions of flavins undergo reversible redox 

conversion. Redox properties of these compounds were investigated by many authors 

using polarography and potentiometry techniques.71 Flavins have been recognized by 

their ability of participate in both one- and two-electron transfer processes.73 

This means that flavin molecules can exist in three different redox state,  the fully 

oxidized flavoquinone (Flox), the flavosemiquinone radical in either the anionic (Flrad
.-) or 

neutral (FlradH ) form and the two electron reduced flavohydroquinone either anionic 

(FlredH-) or neutral (FlredH2) form.73  

Figure 1-11 Chemical structure of (a) riboflavin (RF), (b) flavin adenine dinucleotide (FAD) and 

(c) flavin adenine mononucleotide (FMN) (Reprinted from reference 71). 
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The redox equilibrium of flavins in aqueous media is pH dependent and it 

involves up to two electrons and two protons. Two regions are distinguished in the plot of 

pH versus formal potential with two different slopes suggesting the change in the number 

of protons in the process.73  For a couple where Ox is the oxidized species and Red, is 

the reduced species,74  

Ox + ne- + mH+  Red- Hm
(m-n)+                                                                                  (1.8) 

E1/2 decreases with pH as 0.05916 (m/n), where m and n are the numbers of transferred 

protons and electrons, respectively. This equation which is based on the Nernst equation 

shows that the redox reaction involves two electron and two protons resulting a slope of 

66 mV per unit pH in acidic media. While in basic media, the slope corresponds to two 

electron and one proton process with the value of 33 mV per unit pH.74 

The redox properties of flavins have been studied since 1900 and it is well known 

that the fully oxidized flavoquinone is immediately reduced to flavohydroquinone in a two-

electron and two-proton process.73 The electrocatalytic role of flavin adenine dinucleotide 

(FAD) in the electroreduction of some biological molecules including, cytochrome, 

glucose oxidase, methemoglobin, and the electrooxidation of ferredoxin on a Pt electrode 

has been demonstrated by Durliat et al.75 A new method for surface reconstitution of apo-

flavoenzymes by the assembly of a relay-FAD monolayer on the gold (Au) electrode has 

also been developed.76 Kumar and Chen have modified a glassy carbon electrode (GCE) 

with a poly (p-aminobenzenesulfonic acid) (PABS)/FAD film for detection of nicotinamide 

adenine dinucleotide.77 The electrocatalytic oxidation and reduction of NADH and NAD+, 

respectively, using a GCE modified with a nordihydroguaiaretic acid (NDGA)/FAD hybrid 

film have been performed by Chen and Liu.78 Lin and Chen have developed a FAD/zinc 

oxide-modified GCE to increase the electrocatalytic reduction current of O2, H2O2, 

CCl3COOH, and SO3
2- in the presence of hemoglobin.79  
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The electrochemical behavior of flavins in solutions and on modified electrode 

surfaces has been extensively investigated using various electrochemical techniques 

including, polarography, chronopotentiometry, cyclic voltammetry, AC voltammetry, 

scanning tunneling microscopy, and quartz crystal microbalance.80-90 Birss et al. has 

shown that FAD adsorbs very strongly in three different orientations on Hg electrode 

surface.83,84 McGarvey et al. also has studied the orientation of FAD adsorbed on Hg 

electrode.85 Kubota et al. has demonstrated that FAD can be strongly immobilized on 

TiO2-modified carbon fibers, and remains stable for at least two months.86 Wang et al. 

has shown that FAD weakly adsorbs on gold when it is present at low concentration in a 

solution.87 Gorton and Johnasson have found that FAD strongly adsorbs on graphite, and 

that the FAD-covered graphite electrode remains very stable even after being exposed to 

air for more than two months.88 On the other hand, the adsorption of FAD on a GCE was 

very weak, and the adsorbed FAD layer was easily removed off the electrode surface by 

washing. The same two observations were reported by Miyawaki and Wingard.89,90 

However, the same authors also have shown that a stable FAD layer could be formed on 

a GCE, if the molecule is covalently attached to the surface, which was achieved by 

electrochemical activation of glassy carbon.90 Recently, a number of proton-coupled 

electron transferred (PCET) reactions have been examined in considerable details, and 

examples have been reported which occur via concerted, where the electron and proton 

transfer simultaneously, and consecutively, where the electron and proton transfer 

separately, mechanisms.73,91 Unique versatility allows flavins to act as intermediaries 

between compounds that donate two electrons (e.g., NADH, succinate) and compounds 

that only accept one electron at a time (e.g., heme Fe). Their unique reactivity with 

oxygen also enables flavins to take part in important aerobic processes.91   
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This dissertation presents the speciation and mechanistic details of the 

electroreduction and protonation of the newly synthesized, 1, 3-diamine flavin, thereafter 

denoted as Fl2+. This compound is formed by the tricyclic heteronuclear organic ring, 

isoalloxazine (shown in Figure 1-12b), possessing two amine groups in the N (1) and N 

(3) positions as shown in Figure 1-12a. The water soluble cation, in aqueous electrolytes 

adjusted to selected pHs in the range from 1 to 10 using a bare GCE as the working 

electrode. This compound, Fl2+, shows only one cathodic redox process, determined to 

be a two-electron process involving either one- or two-proton depending on the pH.  

 

Spectroelectrochemistry, performed in integral and differential modes, was used 

to determine the mechanistic details of this electroreduction process. It is worth to note 

that this compound demonstrates a potential electrocatalytic reduction of oxygen. 

Therefore, a brief study on the electrocatalytic activity of the compound for oxygen 

reduction will be also discussed.  Also, electrochemical behavior of the compound using 

gold and copper/copper oxide as working electrodes is investigated. Finally, the effect of 

saturation with CO2 gas on the behavior of the compound will be examined. 

Figure 1-12 Molecular structure of (a) 1, 3 - diamine flavin and (b) isoalloxazine. 
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Chapter 2  

Tailoring Copper Oxide Semiconductor Nanorod Arrays for Photoelectrochemical 

Reduction of Carbon Dioxide to Methanol 

Solar photoelectrochemical reduction of carbon dioxide to methanol in aqueous 

media was driven on hybrid cupric/cuprous oxide (CuO/Cu2O) semiconductor nanorod 

arrays for the first time. A two-step synthesis was designed and demonstrated for the 

preparation of these hybrid one-dimensional nanostructures of copper oxide on copper 

substrates. The first step was consisted of the growth of CuO nanorods by thermal 

oxidation of a copper foil at 400 °C. In the second step, a controlled electrodeposition of 

p-type Cu2O crystallites on the CuO walls was performed. The resulting nanorod 

morphology with controllable wall thickness by adjusting the Cu2O electrodeposition time 

as well as their surface/bulk chemical composition were probed by scanning electron 

microscopy, energy dispersive X-ray analysis, X-ray diffraction and Raman spectroscopy. 

Photoelectrosynthesis of methanol from carbon dioxide was demonstrated at -0.2 V vs. 

SHE under simulated solar irradiation on optimized hybrid CuO/Cu2O nanorod arrays 

electrodes and without assistance of any homogeneous catalyst (such as pyridine or 

imidazole) in the electrolyte. Morphology and composition of the hybrid CuO/Cu2O 

photoelectrodes were found to be crucial for efficient performance in methanol generation 

under solar illumination. Methanol formation, tracked by gas chromatography equipped 

with mass spectrometer, indicated Faradaic efficiencies of up to 95%.32,92 

2-1 Experimental 

2-1-1 Chemicals and Methodology  

Copper (Cu) substrates, foil and mesh, were from Alfa Aldrich and 99.99% purity. 

Chemical reagents used in the study were of analytical grade and were used without 

further purification. For preparation of the copper oxide electrodes three main methods 
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were utilized including, anodization,93 cathodic electrodeposition,94-99 and thermal 

oxidation100,101  on different substrates (such as, copper mesh, foil). Prior to each 

experiment, a pretreatment process was carried out for each substrate, consisted of three 

consecutive washings performed by 5 min sonication with isopropanol, acetone, and 

deionized water and then drying the films under nitrogen (N2) gas. All potentials were 

measured vs. Ag/AgCl reference electrode but they are quoted with respect to SHE, 

using Ag/AgCl = -0.197 V vs. SHE.  

 

 

 

 

Electrochemical oxidation (anodization) was performed on the copper foil 

electrodes in a solution containing 0.1 M sodium hydroxide93 (NaOH) to determine the 

optimal potential window for the formation of the copper oxides. For this experiment the 

copper foil was immersed in 0.1 M NaOH solution and then cyclic voltammetry was 

Figure 2-1 Cyclic voltammograms of a copper mesh in 0.1 M NaOH. The scans were 

initiated at -1.4 V and in the positive direction, using different potential windows to 

distinguish the formation and electroreduction of Cu2O (a) and CuO (b) respectively using 

a potential scan rate of 0.05 V/s. 
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performed from -1.4 to 0.0 V vs. Ag/AgCl (-1.2 to 0.2 V vs. SHE) at the scan rate of 0.05 

V/s. Suitable potential range was found to be -0.35 to -0.65 V vs. Ag/AgCl (sat. KCl), -

0.15 to -0.45 V vs. SHE, as is displayed in Figure 2-1. Formation of CuO occurs at 

potentials higher than -0.2 V vs. SHE versus Cu2O, Figure 2-1b. The best potential for 

the formation of the Cu2O was found to be -0.2 V vs. SHE. 

 

 

 

Potentiostatic electrodeposition of cuprous oxide (Cu2O) films consisted of using 

a constant potential of -0.2 V vs. SHE from a lactate-stabilized cupric sulfate (CuSO4) 

solution of pH 9 following a reported procedure by Switzer et al.96,97 The electrolytic bath 

was prepared with deionized (DI) water (Corning Megapure) and contained 0.4 M CuSO4 

and 3 M lactic acid. The bath pH was adjusted to 9 by an addition of concentrated NaOH 

solution; the temperature of the bath was maintained at 60⁰C during the 

electrodeposition. Film formation occurs by the electroreduction of Cu2+ to Cu+ which is 

followed by slow precipitation of Cu2O on the electrode surface. The electrolyte solution 

was basic in pH to stimulate the formation of Cu2O and it was also highly concentrated in 

lactate to stabilize the Cu2+ cation, thus avoiding formation of copper hydroxide 

Figure 2-2 SEM images of a Cu2O film grown by cathodic electrodeposition at -0.4 V 

vs. Ag/AgCl in an aqueous solution containing 0.4 M CuSO4 3 M lactic acid at pH 9.  

SEM magnifications are x10.0K and x50.0K for (a) and (b) respectively. 
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[Cu(OH)2] in solution.  Platinum foil and Ag/AgCl (satd. KCl) were used as the counter 

electrode and reference electrode, respectively. Representative scanning electron 

microscope (SEM) images of the resulting films are shown in Figure 2-2 in which is 

clearly discernible the cubical structure of the Cu2O in two different magnifications.    

 

To prepare the thermally oxidized film, freshly cleaned Cu substrates were 

subjected to thermal oxidation in presence of air using a box furnace for 4 h at 400°C. A 

temperature program was used and consisted of first heating the sample up to 400°C (at 

25°C/min). After 4 h of isothermal heating, the sample was allowed to return naturally to 

room temperature. The resulting film morphology which consists of standing nanorods is 

presented in Figure 2-3 at different magnifications. The chemical composition of these 

thermal grown nanorods is mostly CuO as identified by Raman spectroscopy. 

2-1-2 Preparation of CuO/Cu2O Nanorod Photoelectrodes 

The hybrid CuO/Cu2O nanorod arrays were fabricated by a two-step process 

performed on freshly cleaned copper foil. Thus, copper foil substrates were pretreated as 

it was mentioned above.  In the first step, thermal oxidation was carried out as it was 

discussed before and then, Cu2O crystallites were electrodeposited on the thermally 

grown CuO nanorods from a basic solution of lactate-stabilized copper sulfate using a 

Figure 2-3 SEM images of CuxOy nanowires grown isothermally (400⁰C) on a Cu substrate.  

Magnification scale for (a): x5.0K, (b): x18.0K, (c): x30.0K. 
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potentiostat (CH electrochemical workstation 720C). A Pt foil and an Ag/AgCl (satd. KCl) 

were used as counter electrode and reference electrode respectively. The 

electrodeposition time was varied to investigate the structural attributes, and also the 

photoactivity of the resulting heterostructures.  

2-1-3 Measurement of Photoelectrochemical Activity  

The photocurrent-potential profiles were recorded under solar irradiation (AM1.5) 

from a solar simulator (Newport 91160-1000). The radiation was interrupted (with a 

manual chopper) at 0.2 Hz. Bulk photoelectrolysis was also performed in a two-

compartment sealed electrochemical cell under continuous light irradiation. The 

electrolyte used was 0.1 M Na2SO4, the solution was saturated with N2 and CO2 bubbling 

through the cell. The CH electrochemical workstation 600C was used to apply a constant 

potential of -0.2 V vs. SHE. Light irradiation (AM 1.5) was provided by the full output of 

the Newport solar simulator specified and with illumination power of 70 mW cm-2. 

Long term photoelectrolysis was carried out using a CH electrochemical 

workstation 600C instrument (www.chinstruments.com), in a custom-designed two-

compartment, three-electrode electrochemical cell. Ag/AgCl (satd. KCl) and Pt foil were 

used as reference electrode and counter electrode respectively although all potentials are 

quoted with respect to the SHE reference scale. The electrolytes used were 0.1 M 

NaHCO3 (saturated with CO2) and 0.1 M Na2SO4 (saturated with N2) as control 

experiment. 

2-1-4 Physical Characterization 

The surface morphology of the various film samples was characterized using a 

Hitachi S-5000H field emission scanning electron microscope (SEM) operated at an 

acceleration voltage of 20.0 kV. Raman spectra were recorded with a HORIBA Jobin 

Yvon LabRam ARAMIS instrument (incident power  ≤ 300 mW) using an excitation 
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wavelength of 532 nm and an 1800 line/mm grating. In all the cases the slit width was 10 

μm, and 32 scans were accumulated for each spectrum. X-ray diffraction (XRD) patterns 

were obtained on a Siemens D-500 powder diffractometer using CuKα as the source 

radiation.   

2-1-5 Gas Chromatography with Mass Spectrometry Detection 

Liquid aliquots were periodically taken during the photoelectrolysis to be 

analyzed in a gas chromatograph equipped with a mass spectrometer as detector (GC-

MS). The aliquots were subjected to supporting electrolyte removal by shaking overnight 

with Amberlite IRN-150 ion-exchange resin (cleaned and vacuum dried just before use) 

and then injected into the Shimadzu GC-MS 2010SE chromatograph coupled with a MS 

QP2010 detector and a AOC-20S sampler. Head space sampling was also used for GC-

MS analyses to confirm the photoelectrosynthesis of methanol from CO2 by heating the 

sealed vial at 75 ºC water bath for 45 minutes to let the liquid and volatile organics 

equilibrate. The chromatographic column was Shimadzu SHRX105MS (30-m length and 

0.25-mm inner diameter, part # 220-94764-02) set at 45 °C. The MS detector was set at 

250 °C, and helium was used as the carrier gas. Calibration curves for different methanol 

concentrations in water showed that the methanol peak eluded at 1.53 min with a 

corresponding m/z = 31.  

2-2 Preparation and Physical Characterization of Hybrid Nanorods  

A schematic representation of the preparation of hybrid CuO/Cu2O 

photocathodes is shown in Figure 2-4. The first step consists of the formation of CuO 

nanorod arrays obtained by a thermal procedure.100 The second step is the cathodic 

electrodeposition of Cu2O98,99 on CuO nanorod arrays at –0.2 V vs. SHE for pre-selected 

time periods. The resulting photoelectrode samples are designated as TH for the 

thermally grown CuO nanorods, and TH/EDτ for the CuO/Cu2O hybrid samples prepared 



 

34 
 

by electrodeposition for τ min (τ spanning the range: 1-30 min) on the CuO nanorod 

surface. Table 2.1 provides the nomenclature used to identify the different CuO/Cu2O 

nanorod arrays and their respective preparation conditions. Representative SEM images 

of the resulting CuO/Cu2O hybrid samples prepared with different electrodeposition time τ 

are shown in Figure 2-5a-c. Corresponding images for the thermally grown free-standing 

CuO nanorods (designated as “TH“) are presented in Figure 2-5d, while the morphology 

of an electrodeposited Cu2O sample on a polished Cu substrate (“ED”) is given in Figure 

2.5e for comparison. The average nanorod diameter is in the range: 0.8-1.0 µm for 

TH/ED10 and 1.5-2.0 µm for TH/ED30. 

Figure 2-4 Schematic illustration of the two-step synthesis of CuO/Cu2O hybrid nanorod 

arrays for solar photoelectrosynthesis of CH3OH from CO2: (1) thermal growth of CuO 

nanorods on a Cu foil and (2) cathodic electrodeposition of Cu2O for selected times. 
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The electrodeposition of Cu2O on the Cu substrate without and with previous 

thermal growth of CuO nanorods shows a remarkable difference in the resulting amount 

of Cu2O electrochemically formed (Figure 2-6). When the CuO nanorods are thermally 

pre-formed underneath, much more Cu2O is seen to be electrodeposited (Figure 2-6). 

This trend is attributable to the much larger surface area of the nanorod array electrode 

relative to that of a polished Cu substrate. Thus Figure 2-6 compares the charge 

evolution associated with Cu2O electrodeposition (τ = 30 min) on the two contrasting 

substrates: nanorods vs. a flat surface. Note that the electrodeposition charge varies 

Figure 2-5 SEM images of CuO/Cu2O hybrid nanorods arrays obtained by a Cu2O 

electrodeposition coating on thermally grown CuO nanorods for 1 (a), 10 (b) and 30 min (c) 

respectively. Thermally grown CuO nanorods (indicated as TH) were used as substrate for 

the preparation of the respective hybrids (d). Electrodeposited Cu2O (indicated as ED) on 

Cu foil without a pre-thermal treatment is included for comparison (e). 
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almost linearly with time for both substrates. The morphology of the resulting films is 

shown in Figure 2-5c and 5e, and a schematic representation of the two resulting films is 

included also in Figure 2-6. The large area associated with the CuO nanorods provides a 

surface aspect ratio enhancement factor of 7-8. This morphological factor will be seen to 

play a key role in the performance of the Cu2O/CuO nanorod array photoelectrodes. 

Table 2-1 CuO/Cu2O nanorod photoelectrodes prepared by a two-step strategy (TH and 

ED) along with the respective parent materials. 

Photoelectrode 1st step = thermal (TH) 2nd step = Cu2O electrodeposition (ED) 

      TH/ED1 Cu foil heated at 400C, 4 h    Cu2O electrodeposited for 1 min 

      TH/ED5 Cu foil heated at 400C, 4 h Cu2O electrodeposited for 5 min 

      TH/ED10 Cu foil heated at 400C, 4 h  Cu2O electrodeposited for 10 min 

      TH/ED15 Cu foil heated at 400C, 4 h Cu2O electrodeposited for 15 min 

      TH/ED25 Cu foil heated at 400C, 4 h Cu2O electrodeposited for 25 min 

      TH/ED30 Cu foil heated at 400C, 4 h Cu2O electrodeposited for 30 min 

          TH Cu foil heated at 400C, 4 h                       N/A 

        ED30 N/A   Cu2O electrodeposited for 30 min 

 

The data in Figure 2-6 clearly indicate that Cu2O is able to be continuously 

electrodeposited on the TH film in spite of its semiconductor nature (i.e., CuO is a p-type 

semiconductor). It is worth recalling that the electrodeposition mechanism of Cu2O has 

been reported to hinge on the presence of surface states in the Cu2O band gap. These 

surface states are presumed to mediate hole transfer from the Cu(II) lactate complex to 

the Cu2O valence band.98,99  As the CuO nanorods are vertically situated on a dense film 

of Cu2O, it can be speculated that electrodeposition on the nanorod surface is initiated 
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bottom-up on the dense Cu2O layer formed thermally.100 It subsequently advances by 

progressive upward creep on the CuO nanorods. Evidence may be found in Figure 2-5 

where the diameter of the CuO/Cu2O nanorods is seen to decrease from bottom to top, 

consistent with a bottom-up growth mode. 

       XRD and Raman characterization of selected copper oxide films are shown in 

Figures 2-7 and 2-8 respectively. Comparison of the XRD patterns for TH, ED30 and 

TH/ED30 samples is provided in Figure 2-7. The JCPDS reference patterns for CuO (80-

1917), Cu2O (78-2076) and Cu (04-0836) are also provided in the figure. 

Figure 2-6  Charge evolution during 30 min electrodeposition of Cu2O on freshly polished 

Cu foil (ED30) and on thermally oxidized Cu foil (TH/ED30) at -0.20 V vs. SHE using a 

solution containing 0.4 M CuSO4 and 3 M lactic acid adjusted to pH 9. Color sketches are 

included to clarify the two contrasting substrates over which the Cu2O electrodeposition 

was performed. 
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The thermal film (Figure 2-7a) is seen to show the underneath Cu substrate as well 

as CuO and Cu2O phases. In fact, the pattern is consistent with a dense Cu2O film 

topped with CuO nanorods. During thermal oxidation, a dense Cu2O surface layer is 

presumably formed first on the Cu foil. It is then oxidized to CuO leading to a 

compressive stress that drives outward the diffusion of copper cations along the grain 

boundaries thus resulting in CuO nanorod formation. The XRD pattern of an ED30 film 

shows contributions from Cu2O on the Cu substrate as expected (Figure 2-7b) while the 

TH/ED30 presents three components, Cu2O, CuO and Cu, although now the Cu2O phase 

makes a larger contribution than in the TH film case (Figure 2-7c).  

Figure 2-7 XRD spectra of a thermally oxidized (TH, (a)), an electrochemically deposited 

(ED30, (b)) and a hybrid film (TH/ED30, (c)). Reference JCPDS patterns for Cu, Cu2O and 

CuO are shown at the top of the Figure. 
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It is worth noting that the Cu signals are seen higher in the pattern for the ED30 

sample than in the other two films corroborating that thermal treatment results in a thick 

film composed of Cu2O and CuO on which the CuO/Cu2O core/shell nanorods are 

formed.  Figure 2.8 contains a comparison of Raman spectra of hybrid CuO/Cu2O 

nanorod arrays with that of the thermal precursor film, TH. The assignment of the 

characteristic Raman peaks for Cu2O and CuO102-104 are also indicated. Observe that the 

Raman peaks for the TH films are mainly dominated by the contribution of the CuO 

nanorod phase with only minor input from the dense Cu2O under layer (Figure 2-8a). The 

progressive contribution of vibrations associated with the Cu2O crystalline structure are 

clearly seen for TH/ED1 (Figure 2-8b) and TH/ED30 (Figure 2-8c) as the shell thickness 

increases with electrodeposition time. Concomitantly, the phonon peaks due to CuO 

practically disappear in the TH/ED30 film. Therefore, both XRD and Raman data 

corroborate that the CuO nanorods are progressively covered by Cu2O crystallites in the 

hybrid samples (Figures 2-7 and 2-8). 

Figure 2-8 Comparison of Raman spectra of thermally oxidized film (a), a hybrid film with 

cathodic electrodeposition for 1 min (b), and a hybrid film with cathodic electrodeposition 

for 30 min (c). The nomenclature in the figure legend is that of Table 2.1. 
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2-3 Photoelectrochemical Performance of Hybrid CuO/Cu2O Photocathode Samples 

Figure 2-9 compares photocurrent/potential profiles for a TH/ED30 hybrid 

nanorod film (a) and an electrodeposited ED30 electrode (b) in CO2-saturated 0.1 M 

Na2SO4 aqueous solution. The corresponding profile for an electrodeposited Cu2O 

sample (ED30) in N2-saturated solution under the same conditions is also included as 

control (c). The comparison of TH/ED30 (a) with ED30 (b) sheds important light on the 

role of the CuO interior core. Observe that throughout the potential range, the CuO/Cu2O 

hybrid outperformed the electrodeposited ED30 control sample. Equally important is the 

fact that the photocurrent onset potential threshold was ~ 0.25 V more positive for the 

CuO/Cu2O hybrid than the Cu2O ED sample. The presence of the CuO (core) phase in 

the hybrid film clearly has contributed to this energetically favorable positive shift for the 

photoreduction reaction. 

Another important trend in the data in Figure 2-9 is that the photocurrent/potential 

profiles of a Cu2O electrodeposited film, (ED30, prepared on a polished Cu foil as 

substrate) showed a dramatic increase of photocurrent in the presence of CO2 and also a 

positive shift of the photocurrent onset potential threshold. At -0.25 V vs. SHE, the 

photocurrent in CO2-saturated solution was ca. 3.2 times higher than in the N2 case. At 

less negative potentials the photocurrent enhancement in presence of CO2 was much 

higher reaching factors of 6-7 at potentials ~ -0.1 V thus indicating that CO2 is a much 

better electron scavenger (capturing the photoelectrons from Cu2O) than water. The 

photoelectrochemical (PEC) performance of hybrid CuO/Cu2O photocathodes prepared 

with different τ (10 and 30 min) at -0.1 V vs. SHE is compared in Figure 2-10 under 

manually chopped AM1.5 simulated solar illumination in CO2- (a) and N2-saturated (b) 

solutions.  
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Figure 2-9 Comparison of PEC activity for TH/ED30 hybrid nanorod film (a) vs. an 

electrodeposited ED30 electrode (b) in CO2-saturated 0.1 M Na2SO4 aqueous solution. 

The PEC activity for electrodeposited (ED30) in N2-saturated solution (c) is also included 

for comparison. 

In the N2-saturated medium, the photocurrent is associated with H2 

photogeneration from water (blue traces in Figure 2-10). Importantly, in the CO2 

saturated electrolyte, the photocurrent transients for CuO/Cu2O nanorod films are seen to 

reach ~3 times higher values than in the N2-saturated counterpart solution (red traces in 

Figure 2-10a). Of all the hybrid CuO/Cu2O samples, the TH/ED10 was found to perform 
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the best for the photoelectroreduction of CO2 although the photocurrent transients have 

relatively higher spikes than in the TH/ED30 case. 

Figure 2-10 Photocurrent transients at -0.1 V (vs. SHE) of hybrid nanorod arrays under 

manually-chopped simulated AM1.5 illumination (70 mW cm-2) for TH/ED10 and 

TH/ED30 electrodes in CO2- (a) and N2-saturated (b) aqueous solution containing 0.1 M 

Na2SO4 as electrolyte. 

Figure 2-11a presents a bar diagram comparison of the photoactivity as 

manifested by transient, stationary and net photocurrents for CuO/Cu2O photocathodes 

in CO2-saturated aqueous solution. The hierarchical CuO/Cu2O core/shell nanorod arrays  
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all show enhanced photocurrent in CO2 saturated solutions with respect to the TH film, 

pointing to efficient removal of photogenerated electrons from Cu2O to the CuO core.  

 Figure 2-11 (a): Comparative bar diagram of transient, stationary and net 

photocurrent for TH, TH/ED10, TH/ED30 and ED30 photocathodes in CO2-saturated 0.1 

M Na2SO4 as electrolyte. Applied potential = -0.1 V vs. SHE. Illumination = AM1.5 solar 

simulator. The inset clarifies the nomenclature for transient, stationary and net 

photocurrent. (b) Comparative plot of stationary photocurrent for TH, TH/ED10, TH/ED30 

and ED30 under N2 and CO2 respectively. 



 

44 
 

Figure 2-11b compares stationary photocurrent at -0.1 V for CO2 and H+
 

photoelectrochemical reduction: the TH films yielded higher photocurrent than any of the 

TH/EDτ (τ varied between 1 and 30 min) hybrid counterparts for H2 evolution, but the TH 

films progressively deteriorated in their PEC performance as the CuO nanorods became 

covered by electrodeposited Cu2O. 

2-4 Performance and Stability of Nanorods during the Photoelectrosynthesis of 

Methanol 

Photoelectrosynthesis of CH3OH was demonstrated with a TH/ED10 CuO/Cu2O 

nanorod photoelectrode. The photoelectrode was placed in 100 mL electrolyte solution 

saturated with CO2, polarized at -0.2 V vs. SHE, and continually irradiated with visible 

light provided by a AM1.5 solar simulator. The irradiated electrode area was ca. 3 cm2. 

Representative photocurrent/time and charge/time profiles recorded during the 

photoelectrolysis  are shown in Figure 2-12a and b respectively.  

Figure 2-12 Current/time (a) and charge/time (b) profiles under continuous solar 

irradiation at -0.2 V vs. SHE in a sealed two-compartment photoelectrochemical cell 

containing a TH/ED10 nanorod photocathode. Electrolyte was 0.1 M NaHCO3
 
saturated 

with CO2 and maintained at room temperature. 
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Observe in Figure 2-12 that the photocurrent decreases during the first 30 min and then 

recovers to reach a constant value of 1.05 mA at ~ 2 h of irradiation. Even if some 

photocorrosion had occurred leading to formation of metallic copper on the electrode 

surface, this process did not diminish the performance of the CuO/Cu2O photoelectrodes. 

Note, that dark current values at least an order of magnitude lower (0.10 mA) than the 

photocurrent level corroborate that the electrode remained photoactive throughout the 

photoelectrolysis duration.  

To analyze the photoelectrogenerated product, liquid samples were periodically 

withdrawn from the photoelectrochemical cell. A gas chromatograph equipped with a 

mass spectrometer (GC-MS) was used to detect methanol. Chromatographic results of 

four different photoelectrosynthesis samples together with a calibration curve, performed 

with several known methanol concentrations, are presented in Figure 2-13. By comparing 

the highest intensity obtained from the MS spectra (Figure 2-13a) which is about 35000 

with the calibration curve equation (Figure 2-13b) the maximum amount of methanol was 

calculated. Methanol photogeneration was monitored at m/z = 31 amu (CH2OH+) and was 

found to reach a concentration of ca. 85 µM after 90 min of continuous solar irradiation 

(from a solar simulator). Faradaic efficiencies were in the 94-96 % range (considering 

that 6 e- are required to form one molecule of CH3OH from CO2).  Note that a potential of 

-0.2 V vs. SHE represents an “underpotential” greater than at least 150 mV given that the 

standard potential for the CO2/CH3OH redox process lies at -0.38 V vs. SHE at pH 7. The 

main reason to chose m/z = 31 for the detection of methanol in the study was the highest 

intensity associated with this fragment versus the other fragments shown in the standard 

methanol MS spectrum.105 

For further confirmation of methanol production GC-MS head space (at 75°C) 

was carried out. In this process after the liquid aliquot was taken for the supporting 
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electrolyte removal the remaining solution which was sealed completely in a flask, was 

heated in a water bath to the boiling point of methanol (at ~ 75-80 ⁰C) and the respective 

gas samples were then transferred to vacuumed vials for analysis in GC-MS using an 

injection volume of 5 µl. Figure 2-14 illustrates the methanol peak in1.53 min for m/z=31. 

Figure 2-13 Chromatographic results for 4 different photoelectrosynthesis processes after 

90 min irradiation (a) calibration curve of methanol samples with the concentration range 

from 5μ M to 2 mM in water (b). 
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Figure 2-14 Head space spectra of a sample with known concentration of methanol (red 

trace) in comparison with the photoelectrosynthesis samples under N2 (black trace) and 

CO2 (blue trace) bubbling. 

To link stability with photoactivity of the hybrid nanorod photoelectrode during 

photoelectrogeneration of methanol from CO2, XRD patterns were obtained as a function 

of photoelectrolysis time and compared with the pattern for the pristine photoelectrode 

before irradiation (Figure 2-15). Observe that before photoelectrolysis (Figure 2-15a), 

three distinguished crystalline structure are clearly discernible: CuO, Cu2O and Cu. As 

the hybrid photoelectrode was prepared from a copper foil, the Cu metal diffractions, 

associated with the underlying substrate are also seen in the pattern.   
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Figure 2-15 XRD spectra of a TH/ED10 CuO/Cu2O hybrid nanorod film before (a) and 

after being subjected to photoelectrolysis at -0.2 V vs. SHE in a CO2-saturated aqueous 

solution for 30 (b), 60 (c) and 120 min (d). The Cu/Cu2O nanorod film was prepared on a 

copper foil whose XRD peaks are clearly discernible before and after photoelectrolysis. 

Because of the photoelectrolysis, the Cu peak at 2θ = 74.1° associated to a (220) 

orientation is the one seen more affected and it grows progressively at 30 and 60 min 

and then recede at prolonged electrolysis (120 min). This peak seems therefore to be 

detecting the formation of surface Cu0 by photocorrosion of the respective Cu2O (220) 

face seen at 2θ = 61.3°. 
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When the photoelectrolysis duration reaches 30 min (Figure 2-15b) the Cu2O and 

CuO peaks remain unchanged while the Cu0 diffraction peaks at 43.2° and 74.1° are 

higher. It points to incipient formation of metallic Cu from self-reduction of the 

photoelectrode surface. However, as photoelectrolysis continues, the Cu peak located at 

74.1° shows the largest variation at times of 60 min (Figure 2-15c) and 120 min (Figure 2-

15d) of photoelectrolysis respectively.   

This peak shows a temporal evolution quite similar to the photocurrent evolution 

in Figure 2-12a. At shorter times (up to 60 min), the photoelectrode is covered by Cu (due 

to photocorrosion) but then a “self-healing” process counters metal accumulation; i.e., the 

metal phase undergoes chemical corrosion to regenerate the oxide phases. The 

photocurrent-time profile over a 2 h time frame (Figure 2-12a) is also diagnostic of 

possible slow self-healing of the photocathode assembly as the oxide phases are 

regenerated when the photoelectrons exit the interfacial phase boundary to CO2.  In fact, 

the photogenerated electrons presumably are rapidly transferred to CO2 before they have 

an opportunity to appreciably photoreduce Cu(I) or Cu(II) in the oxides to the metallic 

state. 

There might be a possibility in which the methanol could originate from 

decomposition of the lactic acid that may have leached out of the Cu2O film during the 

PEC experiments. This argument rests on the presumed entrapment of lactate species in 

the oxide film during its electrodeposition history. However careful analyses of 

electrochemically grown Cu2O films using quartz crystal microgravimetry data106 are 

unambiguous in the lack of trapped lactate species in the film. Previous authors69,107,108 

have also used surface analyses and other means to conclude the lack of lactate (or 

other electrolyte species such as sulfate, chloride, or phosphate) entrapment in the 

electrodeposited Cu2O films. 
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Figure 2-16 Chromatographic result of photoelectrolysis solution (red trace), 100 M lactic 

acid in water (black trace) and, pure water (dotted trace) to confirm the methanol 

production from the CO2 reduction not lactic acid entrapment. The inset box 

demonstrates the head space results for the sample of known concentration of methanol 

(blue trace) and the photoelectrosynthesis sample (red trace).  

To confirm that the methanol peak observed in our GC-MS experiments above 

originated from CO2 and not from other adventitious sources such as lactate the following 

control experiments is were carried out. Aliquots were withdrawn after 90 min PEC runs 

in (a) blank in the absence of CO2 in 0.1 M Na2SO4, dotted trace, (b) 100 µM lactic acid, 

black trace, and (c) photoelectrolysis solution, red trace, and worked up for GC-MS 

analyses as is illustrated in Figure 2-16. Presence of the 1.53 min methanol peak (at m/z 

= 31) was unmistakable in the GC-MS data for (c) but was absent in the other two (a and 

b) cases. Another set of experiments this time using head-space sampling at 75-80 °C 

showed clear evidence that the methanol must have originated from the photoreduction 
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of dissolved CO2 and not from the decomposition of any adventitious organic species in 

the electrolyte (inset of Figure 2-16). It is worth noting that methanol has high vapor 

pressure under these conditions while that of lactic acid (boiling point: ~ 200 °C) is 

virtually negligible.  

Thus even in the unlikely scenario (see above) that lactate species leach out 

from the oxide film during PEC reduction runs, the above data furnish evidence for the 

fact that they cannot generate methanol either thermally or from the PEC oxidation of 

lactate (to CO2). Unlike TiO2 for example, the valence band in Cu2O is situated too “high“ 

to sustain significant PEC oxidation of the lactate species.  

2-5 Interphasial Charge Transfer in CuO/Cu2O 

The photoreduction of CO2 to methanol is assisted by the favorable band-edge 

alignment of both oxide phases as depicted in the diagram in Figure 2-17. Note that the 

valence band of CuO is located positive of the corresponding level in Cu2O in full 

agreement with the photocurrent/potential response of a CuO/Cu2O hybrid nanorod 

electrode and that of a single Cu2O film (Figure 2-9). Therefore, in a Cu2O/CuO core/shell 

nanorod configuration, the differences in the band edges of the two oxides translate to a 

vectorial transfer of photogenerated electrons from the Cu2O shell to the CuO core. As 

the Cu2O shell is also in contact with the electrolyte, the photogenerated electrons in 

Cu2O are able to be directly transferred to CO2 as indicated in Figure 2-17. This double 

pathway for injection of photoelectrons to CO2 is likely a contributor to the enhanced 

photoelectrochemical performance of CuO/Cu2O nanorod arrays relative to a single 

phase Cu2O film. Additionally, the increased surface area of the CuO/Cu2O with respect 

to a compact Cu2O ED film is certainly an additional factor in the photocurrent 

enhancement. Importantly to sustain the double injection pathway the tip of the CuO core 

has to be in contact with the electrolyte.  



 

52 
 

The relevant potentials for photocorrosion of Cu2O and CuO are also shown in 

the same diagram. These data were taken from literature sources109-112 after suitable 

correction for the reference electrode potential scale. Note that both photocathodic 

corrosion of Cu2O (generating metallic Cu as the product) and photoanodic oxidation of 

Cu2O to CuO have been discussed in the literature. 

Figure 2-17 Energy band diagrams of hybrid CuO/Cu2O nanorod arrays for solar 

photoelectrosynthesis of CH3OH from CO2. Semiconductor band edges and redox 

potentials are shown vs. SHE. CB, conduction band; VB, valence band. The oxide 

photocorrosion potentials were obtained from data in Refs. 110-114. 

2-6 Conclusion 

A simple two-step hybrid thermal growth/electrodeposition approach was 

employed to prepare and optimize solar photoactive CuO/Cu2O nanorod arrays for the 

photo-electrosynthesis of methanol from CO2. These hybrid photocathodes were shown 

to possess a suitable geometry and chemical composition consisting of a Cu2O shell 
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covering the support CuO nanorod and with appropriate length and high aspect ratio for 

optimal transport and collection of photogenerated electrons. Methanol photogeneration 

was confirmed by GC-MS analyses of product evolved at -0.2 V vs. SHE, i.e. at an 

underpotential relative to the standard potential of CO2/CH3OH. This last feature is an 

important virtue of the p-type semiconductor based photoreduction approach as adopted 

in this study and by other authors61-63 previously. In contrast the (“dark”) electrocatalytic 

process counterpart for CO2 reduction suffers from the electrical energy cost incurred 

from the need for considerable overpotentials to overcome the kinetic barrier associated 

with this process.113,114  
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Chapter 3  

Electrochemical Study of 1, 3 - Diamine Flavin 

Flavins are unique compounds in nature which take part in many biochemical 

reactions as coenzymes and photoreceptors.72 The redox properties of flavins have been 

studied since 1900 and it is well known that the fully oxidized flavoquinone is immediately 

reduced to flavohydroquinone in a two-electron and two-proton process.73,91 The 

electrochemical behavior of flavins on modified electrode surfaces including, platinum 

(Pt)75, gold (Au)87,115-118, glassy carbon77,78,88,90,119,120, mercury (Hg)85,121 and titanium 

dioxide (TiO2)86,122-125 has been extensively investigated.  

Herein the electrochemical properties of newly synthesized Flavin, - bis (2,2,2-

trimethylammoniumethyl) - alloxazine dibromide, (thereafter denoted as Fl2+) was studied 

on three different types of electrode materials including, glassy carbon (GC), gold (G) and 

copper / copper oxide (Cu/Cu2O). Cyclic voltammetry (CV) was used to determine the 

interaction of Fl2+ with the electrodes in terms of redox potentials and reduction reaction 

control (surface vs. mass transport).3 The speciation and mechanistic details of the 

electroreduction and protonation of Fl2+ in aqueous electrolytes was studied at selected 

pHs in the range from 1 to 10. Spectroelectrochemistry was performed in integral and 

differential modes to determine the mechanistic details of this electroreduction process. 

The electrochemical reactions were carried out under dark and light conditions to observe 

whether or not light has any effect on the redox behavior of this compound.  Also, the 

electrocatalytic performance of Fl2+ when the electrolyte was saturated with different 

gases such as, oxygen (O2) or carbon dioxide (CO2) was obtained and compared with 

blank runs under same electrolyte conditions but saturated with nitrogen (N2).  
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3-1 Experimental 

3-1-1 Synthesis  

Flavin was synthesized by the modification of literature procedures.126,127 The 

tricyclic core of Fl2+ was prepared by the condensation of commercially available 

phenylene diamine and alloxan monohydrate (Figure 3-1a and b respectively). 

Subsequent preparation of the alloxazine dipotassium salt (Figure 3-1d) allowed for the 

careful alkylation at the 1 and 3 positions. All other conventional methods of 1,3-alkylation 

led to N-dealkylation of dimerization of the ammonium reagent. The compound (Figure 3-

1e) was purified by filtration followed by washing with suitable solvents until 

spectroscopically pure by TLC and NMR. A scheme for the synthesis of the Fl2+ is shown 

in Figure 3-1a-e.127  

All chemicals and reagents used in the synthesis as well as in electrochemical runs were 

of analytical grade, and used as received without further purification. The supporting 

electrolyte, used for electrochemical experiments, was 0.1 M sodium sulfate (Na2SO4) 

and prepared by using doubly distilled deionized water. Prior to each experiment, the 

solutions were saturated by purging with different gases depending on the purpose of the 

experiment.  

Figure 3-1 Schematic illustration of the synthesis for 1,3-diamine flavin (Courtesy of 

Mohammad Shawkat Hoessain).  
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3-1-2 Electrochemistry and Spectroelectrochemistry 

Electrochemical measurements were performed with CH Instruments Model-

600C using a conventional three-electrode electrochemical cell. Three different electrode 

materials (GCE, G, and Cu/Cu2O) were used as working electrode in the process. The 

GCE and G (2.0 mm diameter disk in both cases) from Bioanalytical Systems and a 

Cu/Cu2O film, where Cu2O electrodeposited on copper foil, (thickness of 1.0 mm and 

area of 2.0 mm2, see Chapter 2), from Basic copper were used. Immediately before use, 

both GC and G electrodes were polished to a mirror finish with wet alumina (Buehler, 

0.05 µm), followed by rinsing with doubly distilled deionized water. The copper electrode 

either when used alone or before electrodeposition was cleaned using 1 M HCl, acetone, 

isopropanol and then it was sonicated in doubly distilled deionized water. A platinum wire 

was used as counter electrode. All the electrode potentials were measured with respect 

to an Ag/AgCl [KCl (sat.)] reference electrode.  

The ultraviolet-visible (UV-Vis) absorption spectra were obtained by using a 

diode-array spectrophotometer (Hewlett-Packard model 8453). Transmittance UV-Vis 

spectroelectrochemical measurements were performed in a quartz thin-layer cell 

containing a gold minigrid as working electrode.  The Fl2+ solution with a concentration of 

2.5 mM located in the thin-layer space was spectroscopically probed by using the diode-

array spectrometer during slow cyclic potential scans (5 mV/s) encompassing the Fl2+ 

electroreduction potential window. The counter electrode (platinum wire) and a miniature 

Ag/AgCl [KCl (sat.)] reference electrode were laterally placed in the quartz cuvette next to 

the thin-layer compartment.  The top part of the cell consists of Teflon stopper with tight 

perforations for electrodes as well as connectors for degassing.  
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3-2 Copper / Copper Oxide Electrodes 

3-2-1 Voltammetric Behavior of Fl2+ with Cu and Cu/Cu2O Electrodes 

To study the electrochemical behavior of Fl2+ on copper-based electrodes, a 

metallic copper foil was immersed in the electrochemical cell containing a solution of 0.1 

M sodium sulfate (Na2SO4) at pH 7.0 and purged with N2 for about 10 minutes. CV 

experiments were performed on the blank solution (only electrolyte) from the initial 

potential of -0.1 V to final potential of -0.6 V vs. Ag/AgCl reference electrode. Then a 

specific amount of Fl2+ was added to the electrolyte to make 0.1 mM concentration and 

the solution was thoroughly purged first with N2 and then O2; after which the respective 

CV experiments were performed on both solutions. Resulting voltammograms are shown 

in Figure 3-2. By comparing the two voltammograms related to the solutions with and 

without the compound under N2 saturation, it is obvious that the presence of the Fl2+ does 

not affect the voltammogram when using a metallic copper electrode. However, in the 

voltammograms containing 0.1 mM Fl2+ under N2 and O2 saturation a large increase in 

the current have shown for the O2 saturated solution.  

Figure 3-2 Cyclic voltammogram of Cu electrode in 0.1 M Na2SO4 containing 0.1 mM Fl2+ under 

O2 and N2 saturation and the blank voltammogram under N2 saturation, for the scan rate of 

0.02 V/s. 

Cu - blank - N2 

Cu - compound - N2 

Cu - compound - O2 
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The reason for that increase is mainly associated to the electroreduction of 

copper oxide formed on the Cu surface in contact with oxygen and not highly affected by 

the presence of the Fl2+ in the solution. 

The CV experiment with the copper electrode did not provide observable effects 

upon addition of Fl2+ to study the behavior of this compound so the next step was to 

make a copper oxide film on the copper substrate to investigate if any changes will 

happen by using a copper oxide film as a photoelectrode. Copper oxide films were 

prepared using the electroreduction method that was described in Chapter 2.97  

Figure 3-3 Cyclic voltammogram of Cu2O electrode with and without Fl2+ (a), cyclic 

voltammogram of Cu2O electrode in a solution containing 0.1 mM Fl2+ under dark and 

solar radiation conditions (b), both under N2 bubbling. 

Voltammograms of the CV experiment with copper oxide (Cu2O) electrode are 

shown in Figure 3-3. A comparison between the CV of a solution with and without Fl2+ on 

the Cu2O electrode in Figure 3-3a shows that there is no effect of the organic compound 

while using the Cu2O electrode. Although copper oxide films are known as oxide 

semiconductors, Figure 3-3b reveals that there were no significant changes in the current 

Cu2O - blank  

Cu2O - compound  

Cu2O - dark - compound  

Cu2O - light - compound  
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magnitude between the profiles obtained under light conditions compared to the dark 

reaction conditions.  

In conclusion, the metallic copper (Cu) and the copper oxide (Cu2O) electrodes 

were not considered for further investigation of the electroreduction behavior of Fl2+ 

because the compound does not show significant electroactivity on these electrode 

substrates neither under dark nor light irradiation. We speculate that the Cu electrode is 

itself covered by a native Cu2O film and therefore it behaves as a semiconductor 

electrode like in the case when the electrodeposition of Cu2O was performed. Therefore 

in both cases, no response to a redox electroactive species in solution under dark is 

expected (see Figure 3-3a where the presence of Fl2+ brings in fact a cathodic current 

decrease and likely pointing out to a surface blockage of the electrode by the Fl2+ species 

which inhibit the organic compound electroreduction).  Under the irradiation of visible 

light, the cathodic current is slightly higher than in dark (Figure 3-3b) and likely 

associated to a combination of water as well as Fl2+ photoelectroreduction. Another fact 

that this study cannot utilize Cu/Cu2O electrodes is simply because the potential for Fl2+ 

redox process, as it will be discussed later (-0.63 V vs. Ag/AgCl), is more negative than 

the potential window where the copper oxide is stable (i.e. cannot go more negative than 

-0.6 V vs. Ag/AgCl). 

3-3 Gold Electrode 

3-3-1 Voltammetric Behavior of Fl2+ on Gold Polycrystalline Electrode 

A Gold electrode (2.0 mm diameter) was considered as the second alternative 

material for the study of the Fl2+ compound. Initial experiments were consisted of utilizing 

a gold electrode to perform CVs on the supporting electrolyte (blank solution) and then 

the electrolyte containing 0.1 mM of the compound. The voltammogram containing 0.1 

mM Fl2+ shows a redox couple at -0.63 V vs. Ag/AgCl for the scan rate of 0.02 V/s 



 

60 

(shown in Figure 3-4). The voltammetric shape of this process points out to a diffusion-

controlled reaction3 containing the corresponding cathodic and anodic redox peaks on 

gold electrodes and it was encouraging us to lead a more thorough investigation of the 

electrochemical behavior of this organic molecule.  

Figure 3-4 Cyclic voltammogram of gold electrode in 0.1 M Na2SO4 (blue trace) and in 

the electrolyte containing 0.1 mM Fl2+ (red trace) under N2 saturation.  

Cyclic voltammetry was performed in the potential range between -0.1 and -0.8 V 

vs. Ag/AgCl reference electrode for different scan rates from 0.01 V/s to 0.08 V/s in a 0.1 

M Na2SO4 solution containing 0.1 mM Fl2+, as represented in Figure 3-5a. The results 

illustrate that the Fl2+ compound is electrochemically reversible in aqueous solutions 

when using a bare gold electrode. The Fl2+ reduction is confirmed to be a diffusion-

controlled process, because of the linear dependence of the cathodic and anodic peak 

currents to the square root of scan rate (Figure 3-5b).  

 

G - blank - N2  
G - compound - N2  



 

61 

Figure 3-5 Cyclic voltammogram of gold electrode in a solution containing 0.1 mM Fl2+ for 

different scan rates under N2 bubbling (a) cathodic and anodic peak currents versus 

square root of scan rate (b). 

The ratio of cathodic/anodic peak currents at various scan rates is almost 

constant (ipc/ipa ~ 1.0) which indicates a reversible redox reaction. The peak to peak 

potential separation, ΔEp at 25 °C, is about 58 mV versus scan rate (V/s), suggests a 

facile charge transfer in the process.3  

3-3-2 Effect of pH on the Voltammetric Behavior of Fl2+ 

The effect of pH on the gold electrode was investigated by recording cyclic 

voltammograms using 0.1 M Na2SO4 at various pH values from 2 to 10. Figure 3.6 shows 

the comparison of cyclic voltammograms recorded at different pH values for the scan rate 

of 0.02 V/s and the electrolyte was purged with N2 before each scan to make sure that 

there will not be oxygen interference in the reaction.  

These voltammograms show that the Fl2+ compound exhibits a single redox 

couple in aqueous media at the pH range from 2 to 10.  With an increase in the pH, the 

compound’s reduction and oxidation peaks are shifted towards negative potentials, 

indicating that the compound redox reaction is proton concentration dependent. 
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Figure 3-6 Effect of pH on the cyclic voltammograms of Fl2+ at gold electrode in an 

aqueous solution of 0.1 M Na2SO4 adjusted to selected pHs in the range from 2 to 10 for 

the scan rate of 0.02 V/s. 

The dependency of formal potential of the redox reaction, Eo’, on the pH of 

supporting electrolyte for the compound is plotted versus pH in Figure 3-7. At acidic pH 

(< 4) the slope of the Eo’ vs. pH is 71 mV per pH unit which indicates a two electron -two 

proton process (see the respective equations inserted in Figure 3-7).3 At pH more basic 

than pH 7, the slope of formal potential vs. pH is 29 mV per pH unit which corresponds to 

an electrode process involving two electrons and one proton. At pHs in the range of 5 to 

7, Eo’ was found to be mainly constant. 

This behavior suggests that the electroreduction reaction always involves two 

electrons but the number of protons is directly dependent on the pH of the electrolyte. 

When protons are abundantly available in the solution (acidic solutions) the reaction goes 
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to a completion of two electrons and two protons process. If fewer protons are available 

in the reaction two electrons are transferred with only one proton.  

Figure 3-7 dependence of Fl2+ formal potential with respect to pH of the supporting 

electrolyte and in the pH range from 2 to 10. 

3-3-3 Electrocatalytic Reduction of Oxygen  

So far, the gold electrode has demonstrated promising results for the study of 

this organic compound (Fl2+). When it comes to oxygen reduction reaction (ORR) on a 

bare gold electrode, no significant electrocatalytic activity is displayed from the organic 

compound because the gold electrode itself competes against the compound for the 

ORR. Figure 3-8 presents a cyclic voltammogram of gold electrode in a solution 

containing 0.1 M Na2SO4 saturated with O2 with and without the 0.1 mM Fl2+.  The broad 

peak at about -0.55 V vs. Ag/AgCl corresponds to the ORR directly on gold and the 

presence of the organic compound increases the current in only ~ 20% thus it indicates 

that the main ORR occurs on the gold electrode and not by the intermediate effect of the 
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Fl2+ compound. One of the most common ways to eliminate the interaction of the gold 

electrode with the O2 is to modify the surface of the electrode. Gilbert Noll has 

investigated the behavior of flavoproteins with flavin-modified gold electrodes.117,118 

Figure 3-8 Cyclic voltammograms of gold electrode in a 0.1 M Na2SO4 saturated with O2 

with and without the compound for 0.02 V/s scan rate. 

3-4 Glassy Carbon Electrode (GCE) 

After eliminating copper/copper oxide and bare gold electrodes for the thorough 

study of this Fl2+ compound, glassy carbon turned out to be the best material for this 

study. First, the potential window that it can be used is wider than in copper oxide films 

and second, oxygen (O2) will not interact with the electrode surface as it is the case in 

gold electrode therefore, it will demonstrate the activity of Fl2+ on ORR. CV was first 

conducted on the GCE in 0.1 M Na2SO4 in the presence and absence of Fl2+ in a 

potential range from -0.1 to -0.8 V vs. Ag/AgCl as represented in Figure 3-9. The 

voltammogram containing Fl2+ shows a redox couple at -0.63 V vs. Ag/AgCl for the scan 

rate of 0.02 V/s. It is worth noting that the blank voltammogram shows a larger double 

layer capacitance than in the presence of the Fl2+ compound. 

G - blank - O2  
G - compound - O2  
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Figure 3-9 Cyclic voltammogram of glassy carbon electrode in the electrolyte (blue trace) 

and in the electrolyte containing 0.1 mM Fl2+ (red trace) under N2 saturation for the scan 

rate of 0.02 V/s. 

Figure 3-10 titration curve was obtained by addition of 13.00 ml of HCl to the solution 

containing 0.01 M Fl2+ compound. 

GCE - blank - N2  
GCE - compound - N2  



 

66 

In order to select different pHs for investigation the behavior of Fl2+, a titration 

curve was obtained. This curve was obtained by successive aliquot addition of 0.001 M 

hydrochloric acid (HCl) to the solution containing 0.01 M Fl2+.  Initial pH was 8.50 and 

after addition of 13.00 ml HCl the final pH reached to 3.00 as it is represented in Figure 3-

9. Three regions were observed in the titration curve, showing two protonation steps and 

therefore three different pHs (pH = 3, 7, 9) were chosen to study the behavior of Fl2+.  

Because of the similarities between pH 7.0 and 9.0 the graphs for pH 7.0 are not shown 

in Figure 3-11. 

3-4-1- Voltammetric Response of Fl2+ with Glassy Carbon Electrodes 

The redox behavior of Fl2+ using a GCE was investigated by performing cyclic 

voltammetry on solutions with three targeted pHs (3.0, 7.0 and 9.0). Figure 3-11 shows 

representative cyclic voltammograms of Fl2+ (0.1 mM) recorded in 0.1 M Na2SO4 with 

increasing scan rates encompassing a potential range between -0.8 and 0.1 V for pH 3.0 

and -0.8 and -0.1 V for pH 7.0 and 9.0 respectively.  The potential window for acidic pH is 

smaller than that of basic pH. The reason for that is the high concentration of protons in 

the solutions which leads to hydrogen evolution in the system. As it is shown in Figure 3-

11, at all pHs (pH 7.0 is not shown) a reversible redox couple is obtained.  Similar 

voltammograms were also run in an ample pH range from pH 1 to pH 10 and for all of 

them the potential range was chosen to completely cover the electroreduction of Fl2+. At 

all three pHs, the voltammetric curves illustrate that the Fl2+ electrode process is 

electrochemically reversible on glassy carbon electrode although the electrode process 

seems more complex at acidic pHs as shown by the splitting of the oxidation peak during 

the returning scan at pH 3.  
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Figure 3-11 Effect of the scan rate on the cyclic voltammograms for the reduction of 0.1 

mM Fl2+ in water at a glassy carbon disc electrode (2.0 mm dia.). Supporting electrolyte 

was 0.1 M Na2SO4 adjusted at a pH 3.0 (a) and 9.0 (b) respectively. Scan rates were 

varied from 0.01 to 0.1 V/s. 

Figure 3-12 Dependence of the cathodic and anodic peak current versus the square root 

of scan rate for pH 3.0 (a) and pH 9.0 (b). 

Notice that in Figure 3-11, the shape of the main voltammetric redox process at 

both pHs resembles a purely diffusion-controlled electrochemical process.  To ascertain 

that the Fl2+ reduction follows a mass transport- controlled or a surface-controlled 

process, the dependency of the cathodic and anodic peak currents of CVs (from Figure 

3-11) are shown in Figure 3-12 for both pHs as a function of the square root of scan rate. 
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The graphs show that both the anodic and cathodic peak current vary linearly with 

respect to the square root of scan rate, which indicates that Fl2+ reduction is a mass – 

transport – controlled process.3  

3-4-2 Effect of pH on the Voltammetric Behavior of Fl2+ 

Figure 3-13 compares cyclic voltammograms recorded on a GCE at different pH 

values and it explains that the compound exhibits a single redox couple in the pH range 

from 1 to 10.  The different pHs were obtained by addition of sodium hydroxide (NaOH) 

and sulfuric acid (H2SO4), and then solutions were purged with N2 to prevent the 

interference of the O2 just before recording the respective CV for each sample. Again and 

in similarity with the data obtained on a gold electrode, the increase in the pH makes that 

the compound’s reduction and oxidation peaks are shifted towards negative potentials, 

indicating that the compound redox reaction is definitively proton concentration 

dependent.   

Figure 3-13 Effect of pH on the cyclic voltammograms of Fl2+ (0.1 M) at a glassy carbon 

electrode in an aqueous solution adjusted to selected pHs in the range 1 to 10. In all 

cases the scan rate was kept at 0.02 V/s. 
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To determine the number of electrons and protons transferred in the process, the 

dependency of formal potential [E°´= (Epc+ Epa) / 2]3 of redox reaction on the pH of 

supporting electrolyte for the compound is presented in Figure 3-14.  Three regions were 

obtained after processing the data from Figure 3-13. At acidic pH (< 4) the slope of the 

formal potential vs. pH is 66 mV per pH unit which indicates two electrons -two protons 

process (see the corresponding equations inserted in Figure 3.12). At pH more basic 

than pH 7, the slope of formal potential vs. pH is 33 mV per pH unit which corresponds to 

an electrode process including two electrons and one proton.  This data is in good 

agreement with that obtained on a gold electrode (shown in Fig. 3-7).  

Figure 3-14 Dependence of Fl2+ formal potential with respect the pH of the supporting 

electrolyte and in the pH range from 1 to 10. From the slope in different pH ranges, the 

number of electrons and protons involved in the respective reaction can be obtained as 

indicated by the equations in the insert box. 
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3-4-3 Spectroelectrochemical Study of the Fl2+ 

Spectroelectrochemistry provides a method for correlating the electrochemical 

processes with the absorption data and thus directly observing the spectral evolution 

associated with speciation occurring during electroreduction/electrooxidation processes.3 

Thus, to enable spectroscopic determination of the species formed during the 

electroreduction of Fl2+, a series of UV-Vis spectroelectrochemical experiments was 

carried out. Figure 3-15 shows UV-Vis spectroelectrochemical measurements of 2.5 mM 

Fl2+ compound in an aqueous solution of 0.1 M sodium sulfate at pH 7.0. These 

measurements were obtained in the transmittance mode and show all the species that 

are generated during a slow potential scan (5mV/s) in the thin-layer region next to a gold 

minigrid working electrode.  The top frame of Figure 3-15 corresponds to the negative-

going scan (reduction) and the bottom frame contains the spectra recorded during the 

subsequent, positive-going scan (oxidation). Arrows in each frame indicate the evolution 

of the corresponding spectral peaks as a function of potential. A comparison of the 

spectra in the negative- and positive-going scans shows that the electrochemical process 

is completely reversible. 

The information from spectra in Figure 3-15 was processed further to obtain the 

difference absorption spectra (∆A)  which is presented in Figure 3-16. This ΔA is in fact 

defined as AE - AEi (with AE corresponding to the spectrum at a certain potential E) and 

thus by subtracting the Fl2+ spectrum (recorded at the initial potential Ei of the 

voltammetric scan), the spectral changes incited by the potential can be more clearly 

observed (as they are presented in Figure 3-16). 
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Figure 3-15 Spectroelectrochemistry of Fl2+ (2.5 mM) at pH 7 using a thin-layer cell with a 

gold mesh as working electrode. Spectra were collected during a cyclic potential scan at 

5 mV/s in the -0.1 V to -0.8 V potential range. The evolution of the Fl2+ electronic spectra 

during the electroreduction (a) and the subsequent electrooxidation (b) indicates an 

electrochemical reversible process which is able to reach the initial Fl2+ spectrum at the 

end of the potential cycle. 

The series of spectra at pH 9 is quite similar to those obtained at pH 7 which are 

not shown here. In spectra of Figure 3-16, bands pointing up correspond to species 

(a) 

(b) 
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formed and those pointing down are of the initial specie which is progressively 

disappearing as the electroreduction takes place. Considering each frame in detail, we 

can see on the top part of Figure 3-16 that the first spectrum corresponds to the Fl2+ 

compound as starting material, with two main bands located at 335 and 380 nm 

respectively. These bands are of similar intensity at pH 9 (spectra a) and 7 (not shown) 

but that is not the case for pH 3 (spectra b). The intensity of the 335 nm band is 

significantly higher at pH 3 than at other pHs which indicates the conversion 

(disappearance) of HFl- to H2Fl. Concomitantly, at pH 3 the increase of the band at 276 

nm corroborates the formation of H2Fl in agreement with other references. The band at 

435 nm is assigned to formation of HFl which was detected at all pHs. This band grows 

with two companion bands at 274 and 291 nm. The intensity of 435 nm band is higher at 

pH 3 which is indicating a favorable formation of HFl as it would be the case of a 

comproportionation reaction eq. (3.2). 

 

 Figure 3-16 Difference absorption spectra, ∆A, obtained in situ during the 

electroreduction of Fl2+ at pH 9 (left) and 3 (right) are shown in the spectral range from 

250 to 600 nm.  The spectrum at pH 9 is quite similar to that obtained at pH 7 which is 

not shown for the sake of conciseness. 
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In aqueous or protic organic solvents, Fl is reported to be reduced in a two-

electron reduction process.73 However, due to the 1,3-disubstitution of Fl2+, our 

compound could not act as a proton donor in comparison with published Fl references. 

Fl2+ redox potential vs. pH graph indicates 2e-, 1H+ at higher pH (> 7) and 2e-, 2H+ at low 

pHs (< 4). Therefore we postulate the following pH dependent mechanism (shown in 

Figure 3-17) which includes comproportionation reactions (C1 & C2).  

Figure 3-17 Box diagram of Fl2+ showing the formation of different species after two 

electrons and two protons process. 

For the mechanism it is concluded that the initial electron transfer produces the 

radical anion, Fl˙־ which underwent a rapid intermolecular proton transfer from the proton 

donor in the bulk solution, meaning the aqueous media, to form the neutral radical, HFl. 

After the proton coupled electron transfer, HFl was able to be further reduced to HFl-.  

Once this step is reached, the pH of the solution plays an important role. In basic 
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solutions (>7) the reaction will not go further to get protonated to H2Fl instead it will react 

with the starting species (Fl) in a comproportionation reaction (eq. (3.1)) to form the HFl 

species. In acidic media (<4), and because of the sufficient amount of protons in the 

system, HFl- is protonated to reach H2Fl. And then in another comproportionation reaction 

H2Fl (eq. (3.2)) will react with the starting material (Fl) to form HFl. Therefore HFl is the 

dominant species which is formed in all pHs and is indicated by an spectral band peaking 

at 435 nm (see Figure 3-16).  

At pH (>7), reactions 1-3 (as illustrated in Figure 3-17) and comproportionation 

reaction C1 (eq. (3.1)) occurs,    

 HFl− +  Fl     
kC1

°

��     HFl + Fl−                                                                                   (3.1) 
 

At pH (<4), reactions 1-4 (as shown in Figure 3-17) and C2 (eq. (3.2)) happens. 

H2Fl +  Fl     
kC2

°

��     2HFl        
                                                                                            (3.2) 

Assignment for the species that were formed and for the species that were 

disappear is demonstrated in Table 3.1.  

Table 3-1 Spectral bands associated to Fl2+ and its electroreduced and protonated 

species. 

Species Wavelength (nm) 

Fl   335 380  

HFl 274 291   435 

HFl-   335   

H2Fl 276     

 
3-4-4 Electrocatalytic Activity of Fl2+ for Oxygen Reduction   

Electrocatalytic activity for oxygen reduction reaction (ORR) is mainly 

accompanied with modified electrodes most of them containing Pt nanoparticles, either 
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by themselves or as binary composites containing Pt-Au or Pt-Pd nanoclusters in 

conjunction with carbon black. These nanocomposites containing noble metal entities are 

the most active catalysts for the conversion of oxygen to water.128,129 However, with the 

aim to decrease the cost of using noble metal composites, several organic molecules 

have also been searched as electrocatalysts for ORR and some of them present 

significant electrocatalytic activity.125,130   

Figure 3-18 Cyclic voltammograms of a GCE in 0.1 M Na2SO4 saturated with O2 

containing (red trace) and without (blue trace) 0.1 mM Fl2+ to demonstrate the behavior of 

in the compound in the presence of O2 for the scan rate of 0.02 V/s. 

To investigate the electrocatalytic activity of Fl2+ in the oxygen electroreduction 

reaction, cyclic voltammetry on a GCE was performed in an O2 saturated solution 

containing 0.1 M Na2SO4 in the presence (red trace) and absence (blue trace) of 0.1 mM 

Fl2+ (represented in Figure 3-18). In the presence of Fl2+ the oxygen reduction reaction 

occurs at more positive potentials suggesting Fl2+ has mediated the electrocatalytic 

GCE - blank - O2  
GCE - compound - O2  
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reduction of O2. In fact, a positive potential shift of ca. 300 mV is promoted by the 

presence of the Fl2+ in the solution thus clearly confirming that this compound is a 

homogeneous electrocatalyst for the ORR.  

Figure 3-19 Cyclic voltammograms of a GCE in 0.1 M Na2SO4 containing 0.1mM Fl2+ 

saturated with O2, (blue trace), CO2 (red trace and N2 (grey trace) suggesting the ability 

of the Fl2+ for the electrocatalytic reduction of O2. 

To compare the behavior of Fl2+ under the effect of saturation of the electrolyte 

with different gases (N2, O2 and CO2), three voltammograms are compared in Figure 3-

19. The difference between the redox potentials in the electrolyte which is saturated with 

N2 and CO2 directly corresponds to the pH effect; by dissolution of CO2 in the electrolyte, 

its pH changes from about 7.0 to 5.5 and this change in the pH was resulted the shift in 

the redox potential. The large increase in the cathodic peak in the electrolyte that is 

saturated with O2 and alternatively the decrease in the anodic peak in the voltammogram 

GCE - compound - O2  

GCE - compound - CO2 

GCE - compound - N2 
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shows the electrocatalytic activity for reduction of O2. Contrarily, the Fl2+ compound was 

found not electrocatalytic active for the reduction of carbon dioxide. 

3-4-5 Fl2+ Stability for Electrocatalytic Reduction of Oxygen  

In order to obtain information about the stability of Fl2+, CV experiment was 

performed in a 0.1 M Na2SO4 solution containing 0.1 mM Fl2+ saturated with oxygen. Two 

different experiments were carried out one for 8 and the other one for 15 cycles as it is 

displayed in Figure 3-20a and b. The results have demonstrated that the compound is 

stable after long cycles of scanning and no deformation on the peaks were observed.  

Figure 3-20 Cyclic voltammogram of glassy carbon electrode in 0.1 M Na2SO4 solution 

saturated with O2, containing 0.1 mM Fl2+ after 8 (a) and 15 (b) cycles of scanning 

showing the stability of Fl2+ for O2 reduction. 

3-5 Conclusion 

The electrochemical behavior of a newly synthesized compound, 1,3-diamine 

Flavin (Fl2+), was investigated using three different electrode materials including, gold, 

copper/copper oxide and glassy carbon electrode. Glassy carbon electrode without any 

modification was chosen to be the best electrode material for this study. This compound 

showed a redox process located at -0.63 V vs. Ag/AgCl. This reduction process was 
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mass-transport-controlled as determined by the graph of the peak currents versus the 

square root of the potential scan rate. Electrochemical data associated with the effect of 

pH on the voltammetric peak potential of the compound pointed out to a proton 

dependent process involving two electrons and either one- or two protons depending on 

the availability of the protons (i.e. pH) in the system.  

Spectroelectrochemistry illustrated an in depth study of the mechanism for these 

electron and proton transfer processes by identifying the respective reduced and 

protonated species. Finally the activity of the Fl2+ compound for the ORR and its high 

stability in the presence of O2 in the system were investigated and the compound 

demonstrated an electrocatalytic activity for O2 reduction. These results are all in 

agreement with the mechanisms and values which have been reported in recent 

years.73,77,82,91,120,131,132  
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