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Abstract 

 

This thesis aims to develop appropriate sensing chemistry for the electrochemical 

detection of alkaline-earth metal ions in formation water. Accordingly, the first 

chapter outlines the relevance of this work and gives an overview of the methods 

currently used for the determination of alkaline-earth metals in aqueous conditions. 

The second chapter then details the electrochemical concepts that underpin the 

subsequent results and the third chapter outlines the experimental techniques used 

throughout this work. 

 

The reliable measurement of peak potentials in non-aqueous conditions is challenging. 

IUPAC recommends the use of an internal standard, typically the ferrocene | 

ferricinium redox couple. Chapter 4 investigates the reliability of this system and finds 

that chloride ions present in the system interfere with the ferrocene. This chapter 

shows that the ferrocene | ferricinium redox couple can be used as an internal standard 

in non-aqueous environments alongside a quasi-reference electrode; however, the 

exact solution composition and conditions must be considered. Therefore, any result 

obtained must be thought of in terms of the system, where each component must be 

scrutinised. 

 

Chapter 5 focusses on the interaction of chlorquinaldol and broquinaldol with alkaline-

earth metals as a route for detection. Firstly, the voltammetric response of the two 

quinaldols is characterised in equimolar DMSO/H2O with a DISP2 reaction process 

proposed for both due to the decrease in apparent diffusion coefficients with increasing 

concentrations. Both ligands produced an increase in the Neff values in the presence of 

barium ions above 10 mM. It is also demonstrated that chlorquinaldol is more sensitive 

to barium ions over strontium and calcium ions. 

 

The use of compounds soluble in aqueous conditions allows for the use of a reliable 

commercial Ag | AgCl reference electrode. Ferrocenemethanol is a water-soluble 

derivative of ferrocene that interacts with thiols. Chapter 6 explores the EC’ electrode 

mechanism that is present for ferrocenemethanol and tiopronin. It shows how the 

turnover number can be manipulated by changing the solution pH in order to increase 
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the reactivity of the tiopronin. The introduction of barium ions to the system (above 

10 mM) is shown to reduce the turnover number; this allows for their determination 

but not to levels low enough for the desired application of this work. 

 

The first two sensing methodologies explored utilised amperometric changes to 

determine the presence of alkaline-earth metal cations. Chapter 7 utilises an entirely 

novel approach to ion sensing by using changes in both the peak potential and current 

to successfully determine the concentration of alkaline-earth metal ions. It looks at the 

voltammetric response of disodium rhodizonate which is a water soluble compound 

that can bind with barium to produce a solid precipitate. This complexation is shown 

to produce an oxidative shift in the reductive peak potentials and a decrease in the 

peak current. The system exhibits the ability to detect alkaline-earth metal cations in 

this way at pH 8.5 (sea water), pH 7 (formation water) and at 35 % salinity (sea water). 

A 3-Dimensional model is produced that allowed for the prediction of barium ion 

concentrationn in samples containing strontium ions as an interfering substance. This 

model produced good results with every test sample producing a peak potential within 

5 mV of the true value.  

  



v 

 

Table of Contents 

1 Introduction .......................................................................................................... 5 

1.1 Scale .............................................................................................................. 5 

1.2 Formation, produced and sea water ............................................................... 8 

1.3 Alkaline-earth metal ions ............................................................................ 11 

1.4 Titrations ..................................................................................................... 16 

1.5 Atomic spectroscopy ................................................................................... 20 

1.6 Nuclear Magnetic Resonance spectroscopy ................................................ 23 

1.7 Fluorescence ................................................................................................ 24 

1.8 Colorimetric ................................................................................................. 31 

1.9 Ion Selective Electrodes .............................................................................. 35 

1.10 Aims and objectives ................................................................................. 42 

1.11 References ................................................................................................ 44 

2 Electrochemical Theory ..................................................................................... 52 

2.1 Equilibrium Electrochemistry ..................................................................... 52 

2.1.1 Equilibrium .......................................................................................... 52 

2.1.2 The Nernst Equation ............................................................................ 54 

2.1.3 Standard and Formal Potentials ........................................................... 55 

2.1.4 Electrode Potentials .............................................................................. 57 

2.1.5 The Electric Double Layer ................................................................... 60 

2.1.6 Faradaic and Non-Faradaic Processes .................................................. 62 

2.2 Electrode Kinetics ....................................................................................... 63 

2.2.1 Currents and Reaction Flux .................................................................. 63 

2.2.2 The Potentiostat .................................................................................... 64 

2.2.3 Butler-Volmer Kinetics ........................................................................ 65 

2.2.4 Supporting Electrolyte ......................................................................... 68 

2.2.5 The Tafel Law ...................................................................................... 68 



vi 

 

2.2.6 Multistep Electron Transfer ................................................................. 70 

2.2.7 Marcus Theory ..................................................................................... 74 

2.3 Mass Transport ............................................................................................ 78 

2.3.1 Convection ........................................................................................... 78 

2.3.2 Migration .............................................................................................. 79 

2.3.3 Diffusion .............................................................................................. 79 

2.3.4 The Cottrell Equation ........................................................................... 80 

2.3.5 The Nernst Diffusion Layer ................................................................. 81 

2.3.6 Mass Transfer Versus Electrode Kinetics ............................................ 82 

2.4 Electroanalytical Techniques....................................................................... 85 

2.4.1 Cyclic Voltammetry ............................................................................. 85 

2.4.2 Reversibility ......................................................................................... 86 

2.4.3 Electrode mechanisms .......................................................................... 89 

2.4.4 Microelectrodes .................................................................................... 95 

2.4.5 Square wave voltammetry .................................................................. 100 

2.4.6 Rotating disc voltammetry ................................................................. 102 

2.5 References ................................................................................................. 105 

3 Experimental Procedures ................................................................................. 107 

3.1 Electrochemical set up ............................................................................... 107 

3.1.1 Potentiostat ......................................................................................... 107 

3.1.2 Electrodes ........................................................................................... 107 

3.1.3 Solution preparation ........................................................................... 109 

3.2 Chemicals .................................................................................................. 110 

3.2.1 Chemical Compounds ........................................................................ 110 

3.2.2 Solvents .............................................................................................. 111 

3.3 Ferrocene sublimation ............................................................................... 111 

3.4 Solution pH alteration ............................................................................... 111 



vii 

 

3.5 Rotating Disc Electrode ............................................................................. 112 

3.6 Temperature Control ................................................................................. 112 

3.7 Interference Testing of Sodium Rhodizonate ............................................ 112 

3.8 UV – Vis .................................................................................................... 112 

3.9 Ostwald Viscometer .................................................................................. 113 

3.10 References .............................................................................................. 114 

4 The unsuitability of ferrocene as an internal standard ..................................... 115 

4.1 Introduction ............................................................................................... 115 

4.2 Results and discussion ............................................................................... 117 

4.3 Conclusions ............................................................................................... 132 

4.4 References ................................................................................................. 133 

5 Electrochemical characterisation of quinaldols and investigations into their use 

for sensing alkaline-earth metal cations ................................................................... 135 

5.1 Introduction ............................................................................................... 136 

5.2 Results and Discussion .............................................................................. 138 

5.2.1 Electrochemistry of chlorquinaldol in acetonitrile ............................. 138 

5.2.2 Voltammetry of chlorquinaldol in equimolar DMSO/H2O ................ 144 

5.2.3 Voltammetry of broquinaldol in equimolar DMSO/H2O .................. 150 

5.3 Conclusions ............................................................................................... 163 

5.4 References ................................................................................................. 166 

6 Characterisation of the ferrocenemethanol and thiol interaction through cyclic 

voltammetry and its application toward alkaline-earth metal ion detection ............ 168 

6.1 Introduction ............................................................................................... 168 

6.2 Results and Discussion .............................................................................. 170 

6.2.1 Electrochemical characterisation ....................................................... 170 

6.2.2 Barium detection ................................................................................ 181 

6.3 Conclusions ............................................................................................... 191 

6.4 References ................................................................................................. 193 



viii 

 

7 Sodium rhodizonate as a voltammetric sensing platform for the detection of 

alkaline – earth metal cations in water ..................................................................... 195 

7.1 Introduction ............................................................................................... 195 

7.2 Results and discussion ............................................................................... 197 

7.2.1 Cyclic voltammetric response of disodium rhodizonate .................... 197 

7.2.2 The influence of barium on the cyclic voltammetry of disodium 

rhodizonate ....................................................................................................... 199 

7.2.3 Application to sea water ..................................................................... 210 

7.2.4 Application to formation water .......................................................... 215 

7.3 Conclusions and future work ..................................................................... 223 

7.4 References ................................................................................................. 225 

8 Summary of the thesis ...................................................................................... 226 

9 Future work ...................................................................................................... 228 

 



1 

 

List of Abbreviations 

 

AC  alternating current 

AES  atomic emission spectroscopy 

BAPTA (1,2-bis(o-aminophenoxy)ethane-N.N,N',N'-tetraacetic acid 

BQ  broquinaldol 

CE  counter electrode 

Cp  cyclopentadiene 

CQ  chlorquinaldol 

CV  cyclic voltammetry 

DC  direct current 

DISP1  disproportionation reaction where the first step is the slow step 

DISP2  disproportionation reaction where the second step is the slow step 

DMSO  dimethyl sulfoxide 

DNA  deoxyribonucleic acid 

EDTA  ethylenediamine tetraacetic acid 

EGTA  ethyleneglycol-bis-N,N,N',N'-tetraacetic acid 

EMF  electromotive force 

ET  electronic tongue 

FAAS  flame atomic absorption spectroscopy  

Fc  ferrocene 

FcMeOH ferrocenemethanol 

FT  Fourier transform 

GBHA  glycoxal-bis(2-hydroxyanil) 

GC  glassy carbon 

GO-ODA graphene oxide octadecylamine 

HCL  hollow cathode lamp 

HOMO highest occupied molecular orbital 

ICP  inductively coupled plasma 

IHP  inner Helmholtz plane 

ISE  ion selective electrode 

IUPAC International Union of Pure and Applied Chemistry 

L  ligand 

LOD  limit of detection 



2 

 

LSV  linear sweep voltammetry 

LUMO  lowest unoccupied molecular orbital 

M  metal 

MRI  magnetic resonance imaging 

MSA  2-mercaptosuccinic acid 

NaRZ  sodium rhodizonate 

NMM  N-methyl mesoporphyrin 

NMR  nuclear magnetic resonance 

NP  nanoparticle 

OHP  outer Helmholtz plane 

PET  photo induced electron transfer  

PVC  polyvinyl chloride 

RDE  rotating disc electrode 

RDV  rotating disc voltammetry 

RE  reference electrode 

R-S  Randles-Ševčík  

SHE  standard hydrogen electrode 

SWV  square wave voltammetry 

TBAP  tetrabutylammonium perchlorate 

TGA  thioglycolic acid 

THBQ  tetrahydroxybenzoquinone 

Tio  tiopronin 

TMS  tetramethylsilane 

TOF  turnover frequency 

TON  turnover number 

UV  ultraviolet 

Vis  visible 

WE  working electrode 

 
  



3 

 

List of Symbols 

 

A  area 

C  capacitance / concentration 

D  diffusion coefficient 

E  electromotive force 

Ea  activation energy 

E0  standard electrode potential 

Ecell
0  measured electrode potential 

Ef
0  formal potential 

Emid  ½(Ep
ox+Ep

red) 

Ep  peak potential 

F  force 

G  Gibbs energy 

h  hydration number 

I  current / ionic strength 

Ip  peak current 

ilim  limiting current 

j  flux 

k  rate constant 

Ksp  solubility product 

kxy  selectivity coefficient 

M  molecular weight 

mT  mass transfer coefficient 

Napp  measured limiting current normalised by the blank limiting current 

Neff  Napp multiplied by the normalised solution viscosity 

n  number of moles / number of electrons 

P  pressure 

Q  charge 

R  molar gas constant / resistance 

Re  Reynolds number 

r  radius 

T  temperature 



4 

 

t  time 

V  voltage 

Z  charge 

α  activity 

α/β  Tafel transfer coefficients 

γ  activity coefficient / excess factor 

ΔE  peak-to-peak separation 

ΔHL
0  lattice enthalpy 

  kinetic parameter 

µ  chemical potential 

ν  scan rate / kinematic viscosity 

ϕ  potential 

φ  volta potential 

ω  rotation velocity 

 []  concentration 

  



5 

 

1 Introduction 

 

This thesis is aimed toward the development of a low cost, down hole, electrochemical 

sensor capable of detecting scaling ions in formation water. Scaling ions such as 

calcium, strontium and barium can form sparingly soluble inorganic salts in oilfield 

operations. The accumulation of these compounds on oilfield equipment can cause 

major flow assurance problems and possibly halt oilfield operations.1 Currently, scale 

inhibitors can be used in bulk to deter the accumulation of these compounds.2 The 

ability to predict the location and volume of scale formation in oilfield operations 

would increase efficiency, have environmental benefits from the reduced use of 

inhibitors, and greatly reduce costs. 

 

1.1 Scale 

 

Scale is a deposit of insoluble, or slightly soluble, compounds formed upon the surface 

of another material; e.g. metal or rock. The most widely known example of this is the 

formation of limescale, figure 1.1, on the inside of pipes and containers charged with 

the heating of water.  

 

Figure 1.1 - An image showing the build-up of limescale on the inside of a kettle. 

 

There are two common classifications of scale that occurs in oilfield operations; 

inorganic scale and organic scale.3,4 In the oil industry, some of the most frequently 

encountered organic scales are paraffin wax, asphaltenes and gas hydrates. This thesis 

will focus on the other primary form of scale; inorganic scale.  
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Inorganic scale is a crystalline deposit, typically consisting of one or more compounds, 

that results from the precipitation of minerals from water. There are numerous 

varieties of inorganic scale, table 1.1, which can form depending on the ions present 

in the system. Deep subsurface water that is present in an oilfield operation will 

typically become enriched in ions depending on its surrounding environment; e.g. 

sandstone reservoirs will become saturated with calcium (Ca2+) and magnesium 

(Mg2+) cations.1 

 

Table 1.1 - A table presenting the chemical name, mineral name and formula of some 

common inorganic scale found in oilfield operations. 

Chemical Name Mineral Name Formula 

Calcium carbonate Calcite CaCO3 

Calcium carbonate Aragonite CaCO3 

Calcium carbonate Vaterite CaCO3 

Calcium sulfate Anhydrite CaSO4 

Calcium sulfate dihydrate Gypsum CaSO4.2H2O 

Strontium sulfate Celestite SrSO4 

Barium sulfate Barite BaSO4 

Iron sulfide Pyrite FeS2 

Sodium chloride Halite NaCl 

Calcium fluoride Fluorite CaF2 

Lead (II) sulfide Galena PbS 

 

 

Inorganic scale formation is apparent in three main ways; supersaturation of 

conditions arising from a change in the pressure or temperature, the mixing of two 

incompatible fluids or through a microbial induced method.5,6 Not all scales form for 

the same reason or in the same location within an oilfield operation. Carbonate based 

scale will form predominantly in the wellbore and production facilities following a 

change in the temperature or pressure.7 Calcium carbonate is the most common 

carbonate scale that is formed. 

𝐶𝑎(𝑎𝑞)
2+ + 2𝐻𝐶𝑂3(𝑎𝑞)

− = 𝐶𝑎𝐶𝑂3(𝑠) + 𝐶𝑂2(𝑎𝑞) + 𝐻2𝑂(𝑙) 1.1 
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In addition to this, it is naturally abundant in deep sea water; where it undergoes the 

same chemical changes due to alterations in the temperature and pressure.8 

 

The mixing of incompatible fluids is the primary way of inducing sulfate scale 

formation. A common example of this is the introduction of sea water (typically a high 

sulfate concentration) to bottom hole formation water (typically rich in Ca2+, Sr2+ and 

Ba2+). 

𝐵𝑎(𝑎𝑞)
2+ + 𝑆𝑂4(𝑎𝑞)

2− = 𝐵𝑎𝑆𝑂4(𝑠) 1.2 

 

This form of scale will commonly occur inside the wellbore, near the wellbore area or 

in the production facilities. 

 

The formation of these scales present a massive problem to the extraction of oil from 

wells. The build-up of these sparingly soluble compounds on the pipelines will 

dramatically reduce the interior area of the pipes, figure 1.2. 

 

Figure 1.2 - An image showing the formation of scale on the interior of a pipe and the 

resulting reduced area. 

 

Consequently, this reduction in area, A, means a much greater force, F, is required to 

achieve the same recovery or pressure, P. 

𝑃 =
𝐹

𝐴
 

  

1.3 

In fact, the accumulation of scale can be devastating to oil recovery; where a North 

Sea well observed a reduction in production from 30,000 barrels per day to zero in the 

space of 24 hours.9  

 

Pipe
Scale
Build
Up
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Scale formation is clearly a key aspect to consider when looking at the efficiency of 

oil recovery capable from an oil well. Both of the two main mechanisms of scale 

formation involve aqueous solutions, be it the supersaturation of water or the mixing 

of incompatible ones. Consequently, understanding the composition of different 

waters is key. 

 

1.2 Formation, produced and sea water 

 

Formation water is water that has been isolated with oil and natural gas between layers 

impermeable rock for millions of years.10 In a petroleum reservoir, below the target 

layer of hydrocarbons sits a layer of water known as formation water, figure 1.3.  

 

 

Figure 1.3 - A schematic showing the typical structure of an oil reservoir. 

 

 

The properties of formation water vary depending on the specific reservoir. It is 

typically slightly acidic, with a pH just less than10 7.0 and its viscosity increases with 

pressure, salinity and decreasing temperature.11 As mentioned earlier, these waters 

will typically become enriched with different ions depending on its surroundings. This 

formation water is described as produced water once it has been combined with 

injected water, figure 1.4. 
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Figure 1.4 – A diagram showing sea water being introduced into an oil reservoir to 

aid in secondary oil recovery. The sea water mixes with the formation water naturally 

present in the reservoir to form produced water. 

 

This produced water is generated during the production of oil and gas from wells as 

water is commonly injected into the system during secondary recovery.12 Produced 

water is a complex concoction of different chemicals, organic and inorganic. An 

overview of the mean concentrations of some ions that are present in produced water 

and a comparison to their typical concentrations in 35 % salinity seawater is given in 

table 1.2. It can be observed from table 1.2 that the concentrations of significant 

cations is much larger in produced water than sea water. This means that, as produced 

water is a mixture of formation water and injected water; formation water must have 

a much larger concentration of these ions in. Consequently, when water is injected 

into the system (commonly this is sea water) compounds that are abundant, such as 

sulfates and carbonates, will react with these ions to form scale. Sea water typically 

has a salinity, or total dissolved solids, of 35 g kg-1 and a pH in the range of                

8.08-8.33.14 As this is commonly used in second phase oil recovery, the typical 

composition of sea water for these compounds that can lead to the formation of scale 

are given in table 1.2 and 1.3. 

 

Sea Water

Injected 
Water

Produced Water
and Oil

Oil

Injected and Formation 

Water Mix

Reservoir Rock
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Table 1.2 - A table showing mean concentrations of significant ions in produced water 

and sea water. Data is taken from Collins (1975)10 and Neff (2002).13 

 

Chemical (Formula) Sea Water 

Concentration (mg L-1) 

Produced Water 

Concentration (mg L-1) 

Sodium 10,560 65 - 97,000 

Potassium 380 3 - 6,500 

Magnesium 1,270 4 - 11,700 

Calcium 400 13 - 118,800 

Strontium 13 7 - 3,200 

Barium 0.003 - 0.034 ≤0.001 - 2,000 

 

 

Table 1.3 - A table showing the typical sea water composition for significant 

compounds. Data obtained from Lyman and Fleming (1940).15 

Chemical Sea Water Concentration (mg L-1) 

Sulfate 2,649 

Bicarbonate 140 

Flouride 1 

 

Tables 1.2 and 1.3 show that sea water contains a large concentration of sulfate ions 

and a very low concentration of barium ions. When mixed with formation water 

however, there is a large concentration of both ions present; hence the formation of 

barite scale.  

 

It can be seen through table 1.1 that a vast majority of scale that forms in oilfield 

operations involves the alkaline-earth metals. The alkaline-earth metals refer to 

calcium, strontium, barium and radium. For the sake of this thesis, radium will not be 

discussed; however, magnesium will be included in part. Therefore, the next section 

will look to understand what these metals are and why it is they are prone to this sort 

of chemistry.  
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1.3 Alkaline-earth metal ions 

 

This thesis is primarily concerned with magnesium, calcium, strontium and barium. 

Magnesium and calcium are two of the most abundant elements in the Earth's crust; 

eight and fifth respectively. They are also the third and seventh most abundant 

elements present in sea water.16 Barium and strontium occur far less commonly, being 

the fourteenth and fifteenth most abundant elements on Earth.17 Due to its high 

abundance, magnesium is commercially extracted from sea water; where 1 g of Mg 

ions can be obtained from 1 L of sea water. This process functions due to the solubility 

of mononegative salts in water increases as you descend the group. Therefore, adding 

calcium hydroxide (or oxide) to sea water forces the precipitation of magnesium 

hydroxide; which is then converted to a chloride via treatment with hydrochloric 

acid.16 

 

𝐶𝑎𝑂(𝑠) + 𝐻2𝑂(𝑙) → 𝐶(𝑂𝐻)2(𝑎𝑞) ⇌ 𝐶𝑎(𝑎𝑞)
2+ + 2𝑂𝐻(𝑎𝑞)

−  1.4 

𝑀𝑔(𝑎𝑞)
2+ + 2𝑂𝐻(𝑎𝑞)

− → 𝑀𝑔(𝑂𝐻)2(𝑠) 1.5 

𝑀𝑔(𝑂𝐻)2(𝑠) + 2𝐻𝐶𝑙(𝑎𝑞) → 𝑀𝑔𝐶𝑙2(𝑎𝑞) + 2𝐻2𝑂(𝑙) 1.6 

 

The other three elements are typically extracted from their molten chlorides through 

electrolysis; whilst barium and strontium can be obtained through their reduction via 

aluminium.16 

 

6𝑆𝑟𝑂(𝑠) + 2𝐴𝑙(𝑙) → 3𝑆𝑟(𝑠) + 𝑆𝑟3𝐴𝑙2𝑂6(𝑠) 1.7 

 

The alkaline-earth metals are defined by their silvery metal appearance, ionic model 

bonding and their ns2 valence electron configuration. They exhibit similar trends to 

other groups in the periodic table; for example their ionic radii increasing and first 

ionization energy decreasing as you descend the group. Some of the key properties of 

these elements are presented in table 1.4. 
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Table 1.4 - Some selected properties of the alkaline-earth metal ions including 

magnesium. Data obtained from Shriver and Atkins.16 

 Magnesium 

(Mg) 

Calcium 

(Ca) 

Strontium 

(Sr) 

Barium 

(Ba) 

Metallic 

radius  

(pm) 

150 197 215 217 

Ionic radius 

(pm) 

72 100 126 142 

Coordination 

number 

6 6 8 8 

First 

ionization 

energy 

(kJ mol-1) 

900 736 590 502 

Eo (M2+, M) 

(V) 

-2.38 -2.87 -2.89 -2.90 

Density 

(g cm-3) 

1.74 1.54 2.62 3.51 

Melting point 

(°C) 

650 850 768 714 

ΔhydHo 

(kJ mol-1) 

-1920 -1650 -1480 -1360 

 

It can be seen from table 1.4 that the metallic radius increases down the group; this is 

indicative of the electron being further away from the nucleus, at a higher potential 

energy and, consequently, less tightly bound to the nucleus. Even so, only a very small 

increase in metallic radii is seen between calcium, strontium and barium due to the 

lanthanide contraction. This phenomena is due to the poor shielding provided by f 

electrons, which results in a higher than expected nuclear charge. The ionic radii of 

the alkaline-earth metals follows a more uniform increase in size. This refers to the 

size of the M2+ ion. It follows that the coordination number, or typical number of atoms 

or ions that immediately surround the central M2+ in a complex or crystal, increases as 

the ionic radii increases. Descending the group makes the formation of M2+ ions easier, 
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in turn this results in increased electro positivity and increased reactivity down the 

group. This is reflected in the standard potentials, Eo, for the M2+ | M becoming 

increasingly negative as you descend the group. The increase in reactivity is observed 

through their reaction with water; whereby calcium, strontium and barium will react 

with cold water, whereas, magnesium will only react with hot water. 

 

𝑀(𝑠) + 2𝐻2𝑂(𝑙) → 𝑀(𝑂𝐻)2(𝑎𝑞) + 𝐻2(𝑔) 1.8 

 

This can also be observed in terms of the lattice enthalpies, ΔHL
o, of the different 

systems. It is defined as the standard molar enthalpy change accompanying the 

formation of a gas of ions from the solid.16 The lattice enthalpies play a key role when 

investigating solubility as it involves the breaking of the solid lattice. In general, as 

the difference in size of the ions involved becomes larger, the more soluble the 

compound is in water. When observing the alkaline-earth metal hydroxides, scheme 

1.8; the solubility increases as you trend down the group from magnesium to barium. 

This shows that for a small anion, OH-, a large cation, Ba2+, increases the solubility.  

 

Table 1.1 showed that the alkaline-earth metals form two types of compounds of 

particular interest to this work; carbonates and sulfates. Calcium carbonate is the most 

common of these in nature; appearing as limestone, chalk, marble and coral to name a 

few. It can appear in three different polymorphs, calcite (most common, hexagonal), 

aragonite (orthorhombic) and vaterite (least common, hexagonal). Calcium carbonate, 

along with the other alkaline-earth metal carbonates, is sparingly soluble in water. The 

solubility of the carbonates in water can be measured by their solubility products, Ksp. 

This is known as the equilibrium constant for a chemical reaction where a solid ionic 

compound is dissolved to yield its ions in solution. 

 

𝐾𝑠𝑝 = [𝑀
+][𝑋−] 1.9 

 

This can be compared to the Ksp for the other alkaline-earth metal carbonates, table 

1.5. 

 



14 

 

Table 1.5 - A table showing the solubility products, Ksp, for the alkaline-earth metal 

carbonates and sulfates at 25 °C. Data obtained from Lide.18 

Element Carbonate Ksp Sulfate Ksp 

Mg 6.82 x 10-6 - 

Ca 3.36 x 10-9 4.93 x 10-5 

Sr 5.6 x 10-10 3.44 x 10-7 

Ba 2.58 x 10-9 1.08 x 10-10 

 

 

It can be seen that all of the carbonates are sparingly soluble in water, with magnesium 

being much more soluble than the others. The trend mentioned earlier, whereby 

mismatched ion size increases solubility, is observed in the Ksp values for the alkaline-

earth metal sulfates. The sulfate anion is large and therefore, the large Ba2+ cation is 

not a good match for solubility purposes. The Ksp values quoted above, alongside 

equation 1.9, can be used to calculate the concentration of something that can be 

dissolved in a medium. This 'carrying capacity' can also be thought of as a saturation 

level. Water saturation levels were discussed in terms of water balance by Langelier.19 

He developed the Langelier Saturation Index, which measured this water balance. A 

perfect score on 0.0 describes a system whereby the dissolved solids are saturated and 

balanced. The negative part of the scale indicates that the water can be corrosive; 

whereas, the positive scale indicates that the water will begin to form scale as it is 

over-saturated.    

 

The sulfates have a wide range of uses; from calcium sulfate dihydrate (CaSO4.2H2O, 

gypsum) being used as plaster of Paris upon heating,20 to barium sulfate being used in 

X-ray imaging as a 'barium meal' due to its chemical stability and X-ray absorbing 

properties.21 In addition to this, as mentioned previously, barium sulfate is also one 

from of scale that greatly hinders oilfield operations. Present methods of stopping this 

include the use of chemical inhibitors to stop the formation of the sulfate. Knowing 

exactly how much of this compound to add is a problem as it is very difficult to know 

the exact concentrations of the alkaline-earth metal ions present due to the very stable 

compounds that they form. 
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One common property of alkaline-earth metals that has been manipulated for sensing 

purposes is their ability to form complexes.22–25 Some of the most widely seen 

complexes that the alkaline-earth metal cations form are with crown ethers and 

cryptand ligands, figure 1.5. 

 

 

Figure 1.5 - A structural example for a crown ether (left) and cryptand (right). 

 

 

The ability to form these complexes has been manipulated to create sensors for the 

alkaline - earth metal ions. A sensor is made out of two main components; the sensing 

chemistry and a transducer to relay this signal. 

 

 

The following sections will investigate the different areas of research into the sensing 

chemistry for the detection of alkaline-earth metal ions. It will seek to explain the basic 

concepts and chemistry that allow these techniques to work; as well as evaluating their 

efficiency for the desired application of this thesis. In turn, this will help explain why 

an electrochemical dipstick probe is a proficient method of sensing for this application. 
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1.4 Titrations 

 

One of the longest standing methods of alkaline-earth metal determination is the use 

of complexometric titrations. Typically, a standard solution is added, via a burette, to 

a solution of interest as in figure 1.6. In this scenario a metal : ligand complex would 

be formed in the conical flask and the end point found.  

 

Figure 1.6 - A schematic diagram of a classic titration set up including a burette 

containing the standard solution (titrant) and conical flask containing the analyte.  

 

In the beaker, once the ligand has been added from the burette, a complex can form 

between the metal ion and ligand. EDTA (ethylenediaminetetraacetic acid), figure 1.7, 

given as H2X, is a classic example of this.  
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Figure 1.7 – The skeletal structure of ethylenediaminetetraacetic acid (EDTA). 

 

It can complex to metal ions with various charges. 

 

𝑀(𝑎𝑞)
2+ + 𝐻2𝑋(𝑎𝑞)

2− → 𝑀𝑋(𝑎𝑞)
2− + 2𝐻(𝑎𝑞)

+  1.10 

𝑀(𝑎𝑞)
3+ + 𝐻2𝑋(𝑎𝑞)

2− → 𝑀𝑋(𝑎𝑞)
− + 2𝐻(𝑎𝑞)

+  1.11 

𝑀(𝑎𝑞)
4+ + 𝐻2𝑋(𝑎𝑞)

2− → 𝑀𝑋(𝑎𝑞) + 2𝐻(𝑎𝑞)
+  1.12 

 

The end point is typically identified by a physical change in the solution. This can be 

detected through multiple avenues; a natural colour change, an indicator colour change 

or precipitation. 

 

The detection of calcium has been achieved through complexometric titration for 

years. Ethylene glycol-bis-N,N,N’,N’-tetraacetic acid (EGTA), figure 1.8, developed 

by Schwarzenbach et al., has been utilised in this vein for many years due to its high 

stability constant for calcium; up to five orders of magnitude larger than for the 

common interferent magnesium.26  
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Figure 1.8 – Skeletal structure of ethylene glycol-bis-N,N,N’,N’tetraacetic acid 

(EGTA), originally reported by Schwarzenbach et al (1957)26 and utilised by Tsunogai 

et al (1968).27 

 

This was turned into a simple and effective test for calcium by Tsunogai et al. in 1968 

using the metal indicator glycoxal-bis(2-hydroxyanil) (GBHA).27 Whereby, the red 

calcium chelate complex formed with GBHA at pH 11.7 is replaced by the colourless 

free indicator after titration with EGTA. This test has been extensively studied and 

common interferents, magnesium and strontium, are accounted for by correction 

factors.  

 

These titration methods are still used today due to their high precisions (~ 0.10 %),27 

however the sample volume required and detection time remained larger than ideal. 

More recently, Xiaowan et al reported the use of an automatic potentiometric titrator 

to increase the efficiency of the same process.28 This set-up reduced the required 

sample size down from > 20 mL down to ~ 1 mL, alongside a determination time of 5 

minutes; with this increase in efficiency being at the cost of a small amount of 

precision (~ 0.25 %). 
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Early methods, utilising the same procedures, for the detection of barium and 

strontium were based around another common ligand, analogous to EGTA, 

ethylenediaminetetraacetic acid (EDTA), figure 1.7. 

 

Some of the first examples used back titrations; for example the determination of 

barium sulfate, whereby it was dissolved in an excess of EDTA and titration against 

an excess of magnesium ions.29 The problem with early methods was, unlike the 

relationship between EGTA and Ca2+ ions, the affinity of EDTA was not for a single 

cation; hence the separation of individual elements was required. EDTA can be used 

in analytical chemistry to measure a vast array of elements in the periodic table via 

direct titration or indirect methods. Regarding the alkaline-earth metals, EDTA will 

complex with all of them with very similar formation constants. Typically indirect 

methods have been used for strontium and barium determination, especially utilising 

their precipitation as sulphates.30  

 

Simultaneous detections of species in mixtures is extremely important and the use of 

ion-selective electrodes have aided in the determination of titration end points in this 

regard. Recently, del Valle and Calvo proposed the use of electronic tongues (ETs), 

arrays of non-specific sensors, for the simultaneous detection of Mg2+, Ca2+ and Sr2+ 

in mixtures.31 When applied to external samples acceptable correlation was observed 

for calcium; however, magnesium had a very poor correlation with respect to the 

reference method, atomic spectroscopy. 

 

The inability to perform on-site measurements in the presence of multiple interferents 

is a key factor in this methodology being unsuitable for the desired application. There 

is no feasible way to miniaturise and control this method suitably for a down-hole 

application. One method that is excellent at dealing with interferents is atomic 

spectroscopy. 
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1.5 Atomic spectroscopy 

 

Atomic spectroscopy is a commonly used analytical technique that utilises the 

energetic transitions experienced by atoms. These transitions are primarily the result 

of either the absorption or emission of a photon.  

 

Atomic emission spectroscopy (AES) utilises thermal or electrical energy to excite an 

electron from its ground state atomic orbital to a higher energy one. The relaxation of 

this electron back to its ground state is normally accompanied by the emission of a 

photon. An instrument can measure the intensity of this emitted photon as a function 

of the wavelength. The key to the use of this technique for identifying elemental 

compositions is the discrete nature of atomic orbitals. These well-defined energies 

allow for the concentration of elements elements in various sample compositions to 

be determined.  

 

A flame atomic spectrophotometer is the most commonly used piece of equipment for 

AES. This typically consists of four main parts; a light source, a burner/flame, a 

monochromator and a detector, figure 1.9. 

 

Figure 1.9 - A schematic showing the basic set up of a flame atomic 

spectrophotometer. 

 

Initially this methodology employed flames, DC and AC arc lamps as the atom cells; 

however, modern instruments have transitioned to inductively coupled plasmas (ICP). 

This produces extremely good detection limits due to the ultra high temperatures they 

Sample
Injection

Monochromator
Flame

Light
Source

Detector
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function at; this reduces the chemical interferences. Samples ready to be tested are 

introduced into a nebulizer; in this, they are mixed with a fuel and an oxidant, and then 

passed into the burner in the form of an aerosol. This process produces a high 

temperature flame that removes any excess solvent and breaks the sample down into 

its constituent free atoms in addition to stimulating their atomic emission.32 

 

In atomic absorption spectroscopy an electron is excited, through the absorption of a 

photon, from a lower energy state to a higher energy one. An instrument will then 

measure the absorbance at a wavelength specific to the element of interest. A light 

source is directed through the sample, utilising the fact that neutral gaseous species 

will absorb some of the light, reducing its intensity. This reduction, or absorbance, is 

proportional to the concentration of atoms in the cell in accordance with the             

Beer-Lambert Law. Hollow cathode lamps (HCLs) are typically used in this form of 

spectroscopy due to the single emission of atomic lines. This method has excellent 

selectivity but significantly reduces the abiity for multi-component analysis.32  

 

The influence of physical properties of analytes has been problematic in the use of 

flame atomic absorption spectroscopy (FAAS). The introduction of flow injection 

allowed for more efficient performance and large scale analysis. It allowed for the 

reduction in sample volume, reduced analysis time, improved precision and a higher 

tolerance for dissolved solids; without any loss in sensitivity.33 

 

Calcium is one of the most frequently analysed elements using atomic absorption 

spectroscopy. Initial work was focussed on the calcium present in urine, soil or serum 

samples.34,35 Determination of calcium is fairly straight forward with minimal 

interferences when using a nitrous oxide/ acetylene flame. However, using an               

air/ acetylene flame produces lots of interferences from a variety of sources.36 Due to 

the common nature of calcium, the higher sensitivity gained from the use of a graphite 

furnace is rarely required. Early examples of atomic absorption spectroscopy 

compared favourably to other techniques, such as EDTA titration, used at the time. 

The obvious advantages were the massive reduction in required sample size, removal 

of interferents problems and no problematic end-point to find. The major problem with 

the technique for the detection of calcium in water was the pH dependence of the 

perceived calcium concentration. The concentration remained constant at between pH 
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1.8 – 3, increased when moving from pH 7.0 towards pH 3.8 and decreased after pH 

1.8.37 One such case where it is beneficial to use a graphite furnace is when the matrix 

is brine, due to the extremely high concentrations of NaCl present. This interferes both 

chemically and physically with the analyte. To overcome this a graphite furnace 

method alongside a L’vov platform, a small pyrolytic graphite plate, can be used to 

minimize the interference.38 

 

Strontium can be detected using either the air/ acetylene or nitrous oxide/ acetylene 

flames, with the cooler flame producing the larger number of interferences. Due to 

this, much research has been done on the optimisation of detection by utilising 

mixtures of the two flames.39 Atomic absorption spectroscopy has typically been used 

regularly for the determination of strontium concentration in collected geological 

water samples.40 

 

Barium, like calcium, exhibits large amounts of interference when analysed in an       

air/ acetylene flame. Again these are diminished or completely removed in the 

presence of a nitrous oxide/ acetylene flame.41 Due to the high atomization 

temperatures, alongside the typical low concentrations of barium present in samples, 

graphite furnace methods and electrothermal atomic absorption methods have been 

popular.42 Krug et al produced a detection limit of 10 - 20 pg using the electrothermal 

method, however interference from large concentrations of calcium remained an 

issue.43 

 

Although atomic spectroscopy can produce low limits of detection with precision and 

is still regularly used in research for ion concentrations for environmental analysis; it 

is not a suitable method for the applications focussed on in this work. The requirement 

for sample collection, treatment and analysis away from the site makes the process 

unnecessarily inconvenient. Miniaturisation of the technique is possible, but the 

precise arrangement of the light source, injection and detector mean that it is very 

difficult. This technique is also a destructive one; a non-destructive technique to 

consider is nuclear magnetic resonance spectroscopy. 
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1.6 Nuclear Magnetic Resonance spectroscopy 

 

Nuclear Magnetic Resonance (NMR) spectroscopy is one of the most dominant 

methods of analysis for the determination of chemical structures due to the large 

amount of information gathered by a single set of analytical tests. It utilises the same 

principles as Magnetic Resonance Imaging (MRI) which is an extremely common 

method used in medical imaging. NMR is concerned with the atomic property of 

nuclear spin and the most common methods of NMR, 1H, 13C, 19F and 31P, all have a 

nuclear spin equal to ½. When placed in a magnetic field, a nucleus with a spin of this 

value will either align itself with the field or against the field. Nuclei aligning itself 

with the field, in a lower energy state, can flip to the position of higher energy when 

radio waves are applied to the system. Fourier transform (FT) is used to excite all the 

nuclei in a system; following this, the absorption of energy or release of energy can be 

analysed by a computer. 

 

A key component of this method is that the effective magnetic field experienced by a 

nucleus is a product of the nearby environment, including nuclei and electrons, as well 

as the applied field. This variation in environment for the various nuclei is the reason 

that different nuclei absorb at slightly different frequencies. These different ‘chemical 

shifts’ in the obtained spectrum are produced relative to the standard zero point; this 

is the standard reference resonant frequency, typically tetramethylsilane (TMS), figure 

1.10. 

 

Figure 1.10 - The skeletal structure of tetramethylsilane (TMS). 

 

Kula et al. first reported this method for the detection of alkaline-earth metal cations 

by utilising their ability to complex with ethylenediamineetraacetic acid (EDTA).44 

This was used mainly to detect the fact that complexation was occurring, not the 
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detection of the metal ion specifically. Since then, work has been done to progress the 

ability for the detection of specific ions. 1H-NMR has been proposed as a simple 

determination method for diamagnetic metal ions in aqueous environments.45 This 

utilises the 1H chemical shifts of the known chelator EDTA, figure 1.6, and how this 

shift differs depending on the coordinating metal in question. This removes the use of 

an indicator and subjectivity of a colour change. 

 

Although NMR is a non-destructive and often rapid method of detection. The 

requirement for laboratory based equipment, high cost and difficulty to process 

complex mixtures of substances, often involving long pre-treatment steps are serious 

problems. These alongside the difficulty in miniaturising such a set up makes this 

technique highly unsuitable for down-hole applications. One technique that can be 

miniaturised fairly easily is fluorescence spectroscopy. 

 

1.7 Fluorescence 

 

The use of fluorescence based systems for the detection of metal ions, including 

alkaline-earth metal cations, has been researched extensively with many reviews 

produced.46–48 When the absorption of a photon promotes a molecule from its ground 

electronic state to an excited electronic state, several events can occur. These are 

commonly presented in the form of a Jablonski diagram, figure 1.11. 

 

 

Figure 1.11 - A simplistic drawing of a Jablonski diagram showing the excitation 

followed by either fluorescence or phosphorescence. 
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Fluorescence, a radiational transition, is the process in which the molecule relaxes 

from this excited state directly by re-emitting a photon. This transition produces a 

higher energy than similar processes, such as phosphorescence, and hence occurs at a 

shorter wavelength with a lifetime of approximately 10-8 – 10-4 s.  Fluorescence 

detection typically incorporates two moieties, a fluorophore and receptor, which can 

be separated by a linker/spacer or incorporated into a single system. The receptor is 

responsible for binding to the desired analyte. The binding of an analyte is transmitted 

as either an enhancement or quenching of fluorescence. Typically, this approach has 

high sensitivity and is used regularly in the detection of metal ions. The following 

sections will focus on recent advancements made in the area of alkaline-earth metal 

ions. 

 

One of the most extensively researched receptors for Ca2+ cations over the past three 

decades is BAPTA, figure 1.12, (1,2 – bis(o-aminophenoxy)ethane-,N,N,N’,N’-

tetracetic acid).49–55  

Figure 1.12 - A skeletal structure of the BAPTA ligand. Initially reported by Tsien.56 

 

It was initially reported in the 1980’s by Tsien56 and was found to be particularly adept 

for intracellular (~100 nM) calcium detection due to its extremely strong binding 

properties.57–59 To produce a system suitable for extracellular levels of calcium (~1 

mM) the BAPTA molecule needed to be modified to reduce its binding affinity. 

Methods investigated included the addition of nitro groups or halogens to the ring 

system; this successfully reduced the binding affinity, however, introduced alternate 

problems in fluorescence quenching among others.60 Alongside this, problems with 
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decomposition in aqueous environments was overcome with the immobilisation of the 

fluorophores onto an amino functionalised cellulose polymer matrix.61  

 

Recently, Sui et al. have produced a highly water soluble sensor for the detection of 

extracellular calcium.62 This system uses the BODIPY fluorophore and a calcium ion 

recognition group, based on bis(hydroxyethyl)aniline, figure 1.13, that forms a 1:1 

metal: ligand complex and has a dissociation constant of 0.92 mM; which is within 

the desired extracellular range. 

 

Figure 1.13 – The skeletal structure of bis(hydroxyethyl)aniline. The common 

backbone from which Sui et al. developed the derivative for their Ca2+ sensor.62 

 

In the absence of the target analyte, the non-bonding electron pair on the nitrogen can 

transfer a single electron to the fluorophore to quench the produced fluorescence via 

PET (photo induced electron transfer). This is the most commonly investigated 

fundamental process of fluorescence enhancement.63–68 In the presence of Ca2+ cations 

there is a reduction in the PET process and therefore an inherent enhancement in the 

observed fluorescence. This system experiences interference from Zn2+, which is 

common among Ca2+ sensors, but this can be overcome by the addition of TPEN. In 

addition to this, the system will only function above pH 6.8. Although appropriate for 

the detection of extracellular levels of calcium, it is not appropriate for water levels. 

 

Typically, sea water levels of calcium are an order of magnitude higher than the 

standard extracellular levels (~10 mM). Liu et al.69 followed on work by He et al.61, 

using a 4-amino-1,8-naphthalimide based fluorophore with phenylimino-

diethoxyacetic acid as a calcium receptor, figure 1.14, to produce a suitable system for 

a fresh and sea water environment.  
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Figure 1.14 – The skeletal structure of phenyliminodiethoxyacetic acid. Used as the 

Ca2+ receptor for Liu et al..69 

 

The original work used a calcium receptor that was appropriate for extracellular levels 

of calcium; for the application to water samples, the binding affinity needed to be 

reduced. This was achieved by the removal of ethoxy groups from the receptor, in turn 

reducing the amount of binding sites available for the calcium. The system worked in 

a similar way to that above; in which, there is a nitrogen free to act and an electron 

donor to the fluorophore through a PET process. This produced a method suitable for 

long term analysis in freshwater and saltwater with no interferences from strontium 

and only a small, correctable, interference from magnesium. The main source of 

interference was found to be alterations in pH; hence, the incorporation of a pH sensor 

into the overall system would be required for the corrections necessary. 

 

Research into fluorescence sensing systems for the detection of Sr2+ has lagged behind 

that of Ca2+; somewhat due to the reduction in biological importance. Kaur et al. have 

recently produced a polyamine based fluorescence sensor for the detection of Sr2+ in 

aqueous media.70 Inorganic nanoparticles have been available for a while; however, 

they are non-degradable and toxic, making them unsuitable for use in biological 

systems.71–74 Their organic counterparts have been developed and used due to their 

superior water solubility, optical properties, low toxicity and biodegradability.75,76  
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Figure 1.15 – A skeletal diagram of the molecules synthesised by Kaur et al. for their 

Sr2+ fluorescence based sensor.70 

 

The work by Kaur, figure 1.15, utilises the long singlet lifetime of the pyrene moiety 

and is produced by a one-step condensation reaction between pyrene-1-

carboxaldehyde and polyamine. This organic nanoparticle system utilises excimer 

excitation of the  -  stacking between pyrene moieties. Upon strontium binding, a 

conformational change is observed resulting in an extension of the pyrene-pyrene 

spacing; which, in turn quenches the fluorescence. This system can detect strontium 

up to 9 nM, is invariable to changes in pH or other metal ions and has been successfully 
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deployed in tap and river water with the lowest detection limit found in literature for 

the detection of strontium. 

 

As with strontium, there has been considerably less development of sensing methods 

for barium in comparison to the more biologically relevant calcium ions. One of the 

most challenging aspects to tackle in barium detection through fluorescence is the 

common interference of Pb2+. One method, reported by Wang et al., is the use of imine 

based compounds. These are attractive due to their ease of preparation, high 

selectivities and the attractive electronic and photo-physical properties they possess. 

Compounds, such as imines, that include a C=N are dominated by fluorescence 

quenching and PET processes. The work by Wang et al. reports N-salicylidene-3-

aminopyridine, figure 1.16, which demonstrates good selectivity for Ba2+ and, in turn, 

exhibits fluorescence enhancement upon coordination.77  

 

Figure 1.16 – The skeletal structure of N-salicylidene-3-aminopyridine. Utilised by 

Wang et al. due to its selectivity for Ba2+. 

 

The compound itself is not soluble in 100% aqueous media, so is dissolved in 

acetonitrile first to create a 1: 9 MeCN: H2O mixture. The coordination and selectivity 

for barium, in a 1: 2 ligand to metal ratio, is promising over other commonly 

competing cations, however strontium is not tested in this study. It is proposed that 

the selectivity for barium is due to the size of the coordination platform provided by 

the imine group and pyridine nitrogen being in the meta position; this conformation is 

not optimal for small sized cation encapsulation. Upon coordination with barium, the 

fluorescence emission is saturated at 10 µM; with a detection limit of 0.7 µM. This 

platform was tested in pH adjusted drinking, tap and river water with promising 
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results. However, it is not in the desirable concentration range for use in formation 

water, which lies up to an order of magnitude higher. 

 

Selectivity between Ba2+ and Pb2+ is a common problem in this area of research. Xu 

et al. reported a G-quadraplex fluorescence detection system for Ba2+.78                           

G-quadraplexes are a four-stranded structure that is generated from four guanine bases 

in a planar arrangement through hydrogen bonds.79 Previously, the formation of these 

structures has been shown to be promoted by monovalent cations, K+ and Na+;80 

however the divalent cations Pb2+ and Ba2+ show stronger stabilisation effects due to 

their ionic radius and larger charge density.81,82 This strong stabilisation provided an 

effective assay method for the detection of Ba2+ although interference from other metal 

ions, K+ and Pb2+ has provided issues.83–85  

 

The work by Xu et al. used G-quadraplex AGRO100 alongside fluorescence 

component N-methyl mesoporphyrin IX (NMM), figure 1.17, to produce a                

Ba2+-induced “turn-on” fluorescence sensor. NMM exhibits weak fluorescence in the 

presence of AGRO100 in its standard ‘random coil’ structure. The addition of Ba2+ 

produces a conformation change in the AGRO100 from the random coil to                     

G-quadraplex structures. This folding into a G-quadraplex is reflected in a significant 

increase in fluorescence from NMM, which occurs up to 1 M concentrations of Ba2+. 

It was reported that when altered to pH 8.5 the common interference experienced from 

Pb2+ was greatly suppressed, which is suggested to be from the low solubility product 

of Pb(OH)2 at this pH range. This system had a limit of detection 4 nM and gave a 

linear response between 0 – 600 nM. The ability for the AGRO100-NMM probe to 

detect Ba2+ was tested in artificially contaminated water samples. It achieved a 

recovery value of between 105 - 110 %, indicative of a system with promise but in 

need of further optimisation and testing. 
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Figure 1.17 – The structure of N- methyl mesoporphyrin IX. Used alongside a              

G-quadraplex by Xu et al. for a Ba2+ fluorescence sensor.78 

 

The detection of ions using fluorescence can produce very accurate results; however, 

the need for sample collection, treatment and analysis in hand or lab is again 

problematic. Some systems have been developed with the naked-eye detection as an 

option that do not require these pre-treatment steps. Typically these involve the use of 

functionalised nanoparticles (NPs). The most commonly used variants of these are 

gold (AuNPs) and silver (AgNPs). 

 

1.8 Colorimetric  

 

Gold or silver nanoparticle (AuNPs and AgNPs) based colorimetric sensors have 

received more attention recently due to the naked-eye detection possibilities that they 

present. This method of sensing utilises the specific optical and electronic properties 
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possessed by these metal nanoparticles. They have produced comparable sensitivity 

to conventional fluorescence probes due to the high extinction coefficients that these 

AuNPs and AgNPs possess. The addition of target analytes to solutions containing 

these NPs will produce a characteristic colour change; yellow to red for AgNPs and 

pink to blue for AuNPs. This occurs due to aggregation of the NPs. This aggregation 

forces the overlap of the plasmon fields that cause a red shift in their LSPR (localised 

surface plasmon resonance). In turn, this increases the intensity of the LSPR and 

produces the easily observable colour shift. Research into AuNPs was pioneered by 

the work of Mirkin et al., who utilised them to detect target DNA molecules.86 Since 

this, many gold and silver nanoparticles have been produced for the detection of metal 

ions.87,88  

 

Relatively few attempts have been made at utilising these functionalised nanoparticles 

for the detection of alkaline-earth metal cations. One of the first Ca2+ sensing platforms 

in this field utilised lactose-functionalised AuNPs that underwent Ca2+ mediated      

self-aggregation.89 Following this, Yang et al. produced AuNPs that show excellent 

selectivity for Ca2+, Sr2+ and Ba2+.90 The AuNPs are functionalised with                            

2-mercaptosuccinic acid, figure 1.18, to produce MSA-AuNPs.  

 

Figure 1.18 – The skeletal structure of 2-mercaptosuccinic acid. Utilised by Yang et 

al. to functionalise AuNPs for the detection of alkaline – earth metal ions.90 

 

Upon the addition of the three alkaline-earth metal ions, a red to blue colour change 

was observed. This colour change was attributed to the cation mediated particle 

aggregation, confirmed by the fact bridging interactions are removed by the addition 

of EDTA to solutions. The limits of detection and dynamic ranges of the system 

indicate an enhanced selectivity for the larger Ba2+ ion. Even so, the platform was used 

for the detection of calcium in water samples from various sources, exhibiting a 
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dynamic range between 10 - 80 M. This method shows obvious interference from 

Sr2+ and Ba2+ however, due to the minute concentrations of these ions in surface waters 

they are ignored for the study. This is obviously impossible for the application in 

formation water.  

 

Strontium has proved to be very difficult to produce a selective sensor in this field. 

The majority of platforms exhibit detection for all of the alkaline-earth metal ions. For 

example the work by Wu et al., who have developed TGA (thioglycolic acid), figure 

1.19, functionalised AgNPs, that undergo a colour change from yellow to orange/red 

when exposed to all of the alkaline-earth metal cations.91  

 

Figure 1.19 – The skeletal structure of thioglycolic acid (TGA). Utilised by Wu et al. 

to functionalise AgNPs for the detection of alkaline – earth metal cations.91 

 

It is proposed that the alkaline-earth metal ions coordinate with the free carboxy group 

on the TGA. This causes aggregation of the NPs and, in turn, the colour change. The 

rate of colour change showed an enhanced effect from the larger coordinating ions. 

This is reflected in the affinity for the larger ions and the LOD decreasing as you 

descend the group; with a LOD of 1.25 M for Sr2+ and 0.833 M for Ba2+. This 

platform was used for the quantification of hardness in water samples. The system 

exhibited decent agreement with ICP methods; however, the lack of selectivity for a 

particular ion is an issue. 

 

Shrivas et al. have produced AuNPs for the detection of Ba2+, and Ni2+, in aqueous 

environments by capping them with malonate groups, figure 1.20.92  
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Figure 1.20 – The skeletal structure of malonate. Utilised by Shrivas et al. to 

functionalise AuNPs for the detection of Ba2+.92 

 

 

In the absence of barium or nickel the AuNPs are dispersed in the aqueous system. 

Upon the addition of the metal ions, there is inherent coordination between the metal 

and the carbonyl group of the malonate group causing aggregation of the NPs. This 

reduction in inter-particle size causes a strong enhancement in the localized electric 

field which, in turn, produces a distinctive red shift in the LSPR spectrum. This shift 

is accompanied by a clear shift in colour from pink to blue that is visible via the    

naked-eye. The AuNP system exhibited a linear detection range for the addition of 

Ba2+ from 15 - 500 ng mL-1, with a LOD of 5 ng mL-1 and no significant interference 

from any ions other than Ni2+. The platform showed good results when tested in water 

samples, however, the detection range is not suitable for use in a formation water 

sample.  

 

 

Although these systems present some encouraging signs for the detection of ions in 

water samples, they appear to be more suitable for the application to surface waters; 

mainly due to location and concentration ranges that are detectable via these systems. 

The application of down-hole detection, especially of barium, requires lower detection 

limits. Ion selective electrodes have been known to produce very low detection limits. 
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1.9 Ion Selective Electrodes 

 

The main sensing component of an ion selective electrode (ISE) is the membrane that 

separates the sample and the internal half-cell, figure 1.21, for example a reference 

electrode or solid contact system.  

 

Figure 1.21 - A schematic of a typical ion-selective electrode set up. 

 

The internal reference electrode, like a Ag/AgCl electrode, provides a stable potential 

and is connected to the sample through a salt bridge. The electromotive force (EMF) 

change in the ISE is then measured and, depending on the sample composition, will 

vary while ideally obeying the Nernst equation. Much of the research over the decades 

has been spent primarily on increasing the lifetime, selectivity and stability of the ISE. 

 

An example of how an ISE works is a calcium ISE. The ISE will have a membrane 

impregnated with a molecule that selectively allows the positive Ca2+ ions to cross the 

membrane. Upon the immersion of this electrode in a solution of Ca2+ ions there is no 

EMF across the membrane as on both sides of it the solutions are balanced based on 

the electrical charges. Then, after initial immersion, the Ca2+ ions will begin to diffuse 

across the membrane from the solution of high calcium concentration to low. This 

influx of positive charge on the inside of the membrane and corresponding remaining 

Electrode
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negative charge outside the membrane is what causes the potential difference. Once 

the system reaches equilibrium, the potential is measured and known as the membrane 

potential. 

 

A membrane does not exist that is purely selective for one single ion. There is always 

some form of interference from a non – target ion. The interference produced by this 

secondary ion is governed by the Nikolski-Eisenman equation, which utilises the 

charges (z) and activities (α) of the primary (x) and secondary ions (y), the selectivity 

coefficient (kxy) and the standard electrode potential, E0. 

𝐸 = 𝐸0 +
𝑅𝑇

𝑧𝑥𝐹
ln [𝛼𝑥 +∑(𝑘𝑥𝑦𝛼𝑦

𝑧𝑥
𝑧𝑦)

𝑦

] 

1.13 

Where E is the emf, R is the molar gas constant, T is the temperature and F is Faraday’s 

constant. 

 

An ISE membrane commonly contains an ionophore with good selectivity, a lipophilic 

salt as an ion exchanger and a polymeric membrane as a matrix (commonly plasticized 

PVC).93 Common issues that occur are that the mobile membrane components, in 

particular the ionophore, would leach out of the membrane and in turn influence the 

selectivity, sensitivity and lifetime of the electrode. In attempts to remedy these 

problems, investigations into covalently immobilising the ionophore onto the polymer 

backbones was completed.94–98 This in turn had issues with adjusting the ionophore 

and polymer contents, with highly functional polymers dramatically affecting the 

selectivity. Gyurcsanyi et al. attempted to overcome this by attaching the ionophores 

onto gold nanoparticles (AuNPs).99 This method struggled with the attachment of a 

necessary thiol group to the ionophore, which reduced the purity and in turn increased 

the cost. Therefore, there is a need to develop a simple, efficient, low-cost method for 

ionophore immobilisation to prevent leaching. 

 

Recently, all-solid-state polymeric membranes have gained increasing interest over 

the traditional liquid contact ISEs due to the ability to miniaturise them easily and 

requiring low maintenance.100 However, there are problems with the long term 

potential stability due to their poorly defined interface between the conductor and 

membrane.101,102 To improve this aspect, investigations have been completed into 
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using conducting polymers,103 carbon-based nanomaterials,104–107 and noble metal 

based nanomaterials.108,109 

 

Ion selective electrodes for the purpose of sensing Ca2+ cations were some of the first 

commercially accessible in the world.110,111 Yin et al. recently reports an all-solid-state 

Ca2+ selective membrane based on graphene oxide functionalised with 

octadecylamine, figure 1.22, to produce a GO-ODA system.112  

 

 

 

 

Figure 1.22 – The skeletal structure of octadecylamine. Utilised by Yin et al. as the 

backbone for graphene oxide for an all-solid-state Ca2+ selective membrane.112 

 

The alkyl chains present help immobilise calcium ionophore IV, as well as acting as a 

transduction element to aid the potentials stability of the system. The electrodes, after 

overnight conditioning, produced a linear 24.7  0.3 mV/decade Nernstian response 

between 0.3 M - 1 mM Ca2+ concentrations with a detection limit of 0.16  0.2 M. 

The interference on the system increased proportionally with an increase in the amount 

of GO-ODA composite present. This interference was proposed to be down to the 

graphene oxide influencing the formation of complexes between the calcium 

ionophore and the calcium in a 3:1 ratio. The response of the system was found to be 

virtually constant over a pH range of 6 - 9, indicating suitability for application to 

water samples. The produced GO-ODA electrodes showed an improved stability over 

other ISEs for Ca2+ sensing and exhibited no water layer between the membrane and 

electrode surface. This platform was applied to the detection of Ca2+ in artificial sea 

water samples producing a recovery rate between 90 - 105 %.  
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Typically, ISEs utilise potentiometric analysis; however, the incorporation of stripping 

voltammetry alongside an ISE allows for an increase in sensitivity. This works through 

the analyte ion being potentiostatically transferred from the aqueous solution phase 

into the membrane of the ISE. The resulting confined ions are then stripped from the 

surface resulting in an enhanced voltammetric current. The detection levels obtainable 

are dependant largely on the size of the membrane used, with thinner membranes 

producing detection limits 1 to 2 orders of magnitude better.113,114 Amemiya et al. 

reported a system utilising this theory for the detection of sub-nano molar 

concentrations of calcium in aqueous systems.115 The Ca2+ selective ETH129, figure 

1.23, that forms a 1:3 metal:ligand complex, was utilised as the ionophore in a PVC 

membrane.  

 

Figure 1.23 – The skeletal structure of ETH129 (calcium ionophore II). Utilised as 

the Ca2+ selective component by Amemiya et al. for their ISE.115 

 

The stripping voltammetric responses were measurable after 30 mins of pre-treatment 

producing a linear response in peak current from 0.1 - 1 nM. The system was applied 

to the detection of Ca2+ contamination in commercial ultrapure waters producing good 

results that exhibited the calcium present in these samples were present and within 

their stated limits. 

 

As with other areas of detections, strontium ISEs (Sr-ISEs) have received less 

attention than the more biologically relevant calcium ions; although some Sr-ISEs 

have been reported.116–120 All the mentioned systems produce an appropriate 

potentiometric response to the presence of Sr2+ cations, but suffer from a variety of 
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limitations such as selectivity over competing ions to limited pH ranges and response 

times. Due to the smaller breadth of ionophores specialised for strontium, Chandra et 

al. have produced an ISE platform that utilised acetophenone semicarbazone as the 

ionophore, figure 1.24.121 This sensing platform produced a linear 29.4 mV/decade 

Nernstian response for Sr2+ between 0.1 M - 10 mM with a detection limit of 27 nM; 

this is an ideal concentration range for typical formation water. One problem for the 

system was that the more ionophore present, the worse the Nernstian response was. 

 

 

Figure 1.24 – The skeletal structure of acetophenone semicarbazone. Utilised as an 

ionophore for Sr2+ by Chandra et al.121 

 

The electrode worked well over a large pH range of 2.5 - 10, suitable for all water 

samples. Outside of this pH range, the hydronium ions affect the membrane and 

hydrolysis of the Sr2+ causes problems. The ionophore responds individually to many 

metal ions, but shows good selectivity for strontium over any others, in addition to 

production a reliable reading over eight months. The system was applied to the 

detection of Sr2+ ions in river water samples, giving results in good agreement with 

AS methods. It was concluded this platform was adequate for the estimation of Sr2+ 

concentrations in natural water sources. 

 

In a similar vein to strontium, barium has received far less attention than calcium in 

the realms of ISEs. Some of the first reported Ba2+-ISEs were produced by Levins,122 

Thomas et al.,123 and Simon et al..124 These initial systems all suffered from similar 

limitations of poor lifetime, predominantly due to the lipophilicity of the ionophore. 

Improvements to the lipophilicity were made by Simon et al. when they introduced 
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barium ionophore I, figure 1.25, (N,N,N’,N’-tetracyclohexy-oxybis(o-phenyleneoxy)-

diacetamide).125  

 

Figure 1.25 – The skeletal structure of barium ionophore I (N,N,N’,N’-

tetracyclohexy-oxybis(o-phenyleneoxy)-diacetamide). Produced by Simon et al. to 

improve the lipophilicity of barium ionophores.124 

 

This was a stalwart for many Ba2+-ISEs onwards, despite its high interference from 

Ca2+ cations and poor stability of a range of pH.  

 

In aqueous media barium forms a coloured, insoluble, 1:1 complex ion associate when 

mixed with rose bengal. El-Shahawi et al. reported the incorporation of the well-

known barium - rose bengal complex, figure 1.26, into an ISE.126 Rose bengal on its 

own is not suitable as an ionophore in a PVC membrane; however, the complex ion 

associate with barium is. It was found as the amount present in the membrane increases 

the performance of the overall ISE increased up to a peak of 10 mg. The produced ISE 

exhibited a linear, 28.5  0.5 mV/decade Nernstian response between 10 M - 0.1 M 

with a detection limit of 2.5 M. The performance was good in the pH range of            

4.5 - 10. Below this range, the complex ion pair was destabilised. Above this range 

and the hydrolysis of Ba2+ is problematic. 
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Figure 1.26 – The skeletal structure of Rose Bengal. Utilised by El-Shahawi et al. for 

a Ba2+ selective ISE.126 

 

Significant interference was observed from K+ and Sr2+ during interference studies. 

Even so, the system was tested for its ability to detect Ba2+ in wastewater samples. 

The platform exhibited a high recovery rate and had excellent agreement with the AAS 

results obtained. These results were promising; however, the only interferents in the 

samples were Cu, Cr and Ni, not the known interferents. The large interference from 

these two commonly found ions explains why this system is inappropriate for the 

application of oilfield analysis. 

 

There is a lack of appropriate ISE systems for the application proposed in this thesis; 

through either the lack of desired concentration range or high amount of interferents. 

This, coupled with the often tedious preparation of ISEs is off putting in regards to 

using this method.  

 

 

 

 



42 

 

1.10 Aims and objectives 

 

This thesis seeks to develop a low-cost, downhole, electrochemical sensor, capable of 

detection scaling ions present in formation water. A sensor will always consist of two 

main parts; the sensing chemistry and the transducer. Potentiometric sensors for 

scaling ions do exist; however, they are expensive to produce, have relatively poor 

sensitivity and poor selectivity. Therefore, a new variant on the sensing chemistry is 

required. Scaling ions themselves are electrochemically inactive, therefore the routes 

we will explore in this thesis involve utilising their reactions with other molecules. 

 

The first sensing route this thesis looks to investigate is in a non-aqueous environment. 

Achieving this is dependent on accurate and reliable readings of potential in non-

aqueous environments. This is notoriously tricky as many commercial reference 

electrodes are designed to perform in aqueous environments. In this scenario it is 

common place to utilise a quasi-reference electrode; in this work a silver wire is used. 

Alongside quasi-references IUPAC recommends the use of an internal standard, for 

example the ferrocene | ferricinium redox couple.127,128 Chapter 4 seeks to investigate 

the reliability of this redox couple and assess its suitability to the desired application 

of this work. 

 

Chapter 5 then seeks to explore the detection of alkaline-earth metal cations through 

a change in the voltammetric response of a one-electron electroactive ligand, L, upon 

chelation to a metal ion, M. 

𝑀2+ + 2𝐿 ⇌ 𝐿2𝑀
2+ 1.14 

𝐿 − 𝑒− ⇌ 𝐿.+ 1.15 

 

The second chemical sensing route explored is the voltammetric detection of scaling 

ions based on a reduction in the current. This seeks to use binding preference as a way 

to reduce the current. If two molecules, coordinated together, produced a distinct peak 

current. Then a molecule is introduced, a scaling ion, that one molecule will 

preferentially bind to, this will reduce the current. 
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𝑀2+ + 𝐴 ⇌ 𝑀𝐴 1.16 

𝐴 + 𝑃 ⟶ 𝑄 + 𝐵 1.17 

𝑄 ± 𝑒− ⇌ 𝑃 1.18 

 

This route depends greatly on the reaction time between the metal ion and species A. 

The time required for equation 1.16 to reach equilibrium is the minimum time that the 

sensor could take for reliable detection. This method is explored in chapter 6. 

 

The third method, investigated in chapter 7, is the voltammetric detection of scaling 

ions based on a change in both the potential and current. The change in potential is 

caused through the complexation of the metal ion and ligand in solution. Whereas, the 

change in the peak current is due to the complex precipitating out of solution due to 

the poor solubility of the formed complex. 

 

𝑀(𝑎𝑞)
2+ + 𝐴(𝑎𝑞)

2− ⇌ 𝑀𝐴(𝑠) 1.19 

𝐴(𝑎𝑞)
2− ± 𝑒− ⇌ 𝐵(𝑎𝑞) = 𝐸1

𝑜 1.20 

𝑀𝐴(𝑎𝑞) ± 𝑒
− ⇌ 𝑀𝐵(𝑎𝑞) = 𝐸2

𝑜 1.21 

 

The following chapter seeks to outline the experimental procedures used throughout 

this thesis. It details the chemicals used alongside their supplier and purity; as well as 

and purification or alteration to these chemicals before use in experiments. Alongside 

this it details any instrumentation used and specific experimental set ups.  
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2 Electrochemical Theory 

 

This chapter seeks to outline the fundamental theory underpinning the electrochemical 

systems examined in the subsequent chapters. It covers topics including electrode 

potentials, electrode processes and a variety of dynamic electroanalytical techniques. 

 

2.1 Equilibrium Electrochemistry 

 

2.1.1 Equilibrium 

 

Equilibrium predicts the direction of any spontaneous chemical change that may occur 

within a chemical system; it can be understood through thermodynamics. Any 

chemical reaction may be considered through the net heat change in the system that 

may occur and the capacity of the system to do work. These two effects combine 

through the Gibbs energy, which is system-centric. This is advantageous as only the 

system needs to be considered; changes in the surroundings may be neglected in this 

framework. In this way, equilibrium occurs when the Gibbs energy is minimised, i.e. 

zero change in the Gibbs energy, G. 

 ∆𝐺 = 0 2.1 

When considering a reaction such as 

 𝑎𝐴 + 𝑏𝐵 ⇌ 𝑥𝑋 + 𝑦𝑌 2.2 

the Gibbs energy change, G, associated with the change in moles, n, of the reaction 

from left to right, where v is the stoichiometric factor. 

 Δ𝐺 = ∑ 𝑣𝑖𝐺𝑖
𝑖=𝑃𝑟𝑜𝑑𝑢𝑐𝑡𝑠

− ∑ 𝑣𝑗𝐺𝑗
𝑗=𝑅𝑒𝑎𝑐𝑡𝑎𝑛𝑡𝑠

 
2.3 

 Δ𝐺 = (𝑥𝐺𝑋 + 𝑦𝐺𝑌) − (𝑎𝐺𝐴 + 𝑏𝐺𝐵) 2.4 

The change in the Gibbs energy of a pure species, i, is related to its chemical potential, 

i, in equation 2.5. The chemical potential of a pure species, i, is defined as the Gibbs 

energy per mole of i, 

 
𝜇𝑖 = (

𝜕𝐺

𝜕𝑛𝑖
)
𝑇, 𝑃,𝑛𝑗≠𝑛𝑖

  
2.5 
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where T is the absolute temperature and P is the pressure. Therefore, for the previously 

stated equilibrium, it follows that, 

 𝑎𝜇𝐴 + 𝑏𝜇𝐵 = 𝑥𝜇𝑋 + 𝑦𝜇𝑌 2.6 

which shows that under constant conditions the sum of the chemical potentials of the 

reactants and products in a system at equilibrium are equal. 

 

In the case of a perfect gas, 

 
𝜇𝑋 = 𝜇𝑋

𝑜 + 𝑅𝑇 ln (
𝑃𝑋
𝑃𝑜
) 

2.7 

where X
o is the standard chemical potential of species X, R is the universal gas 

constant (8.314 J K-1 mol-1), PX is the pressure of gas X and Po is the standard pressure 

(105 N m-2). It follows that for the above equilibrium,  

 𝑥𝜇𝑋
𝑜 + 𝑦𝜇𝑌

𝑜 − 𝑎𝜇𝐴
𝑜 − 𝑏𝜇𝐵

𝑜 =

−𝑥𝑅𝑇 ln (
𝑃𝑋
𝑃𝑜
) − 𝑦𝑅𝑇 ln (

𝑃𝑌
𝑃𝑜
) + 𝑎𝑅𝑇 ln (

𝑃𝐴
𝑃𝑜
) + 𝑏𝑅𝑇 ln (

𝑃𝐵
𝑃𝑜
)

 

2.8  

so that the left hand side corresponds to the Gibbs energy change accompanying the 

reaction  

 ∆𝐺0 = −𝑅𝑇 𝑙𝑛(𝐾) 2.9  

and the right hand side is constant at a given temperature, 

 

𝐾𝑃 =
(
𝑃𝑋
𝑃𝑜)

𝑥

(
𝑃𝑌
𝑃𝑜)

𝑦

(
𝑃𝐴
𝑃𝑜)

𝑎

(
𝑃𝐵
𝑃𝑜)

𝑏  

2.10  

due to an ideal gas only being dependant on the standard chemical potential. When 

gases are not ideal, this parameter also becomes pressure dependant.  

 

The chemical potential, j, of a species, j, in solution when ideal is given, 

 
𝜇𝑗 = 𝜇𝑗

0 + 𝑅𝑇 ln
[𝑗]

𝐶0
 

2.11  

in which C0 is the standard concentration and is by definition one molar. This gives a 

general equilibrium constant. 

 

𝐾𝑐 =
(
[𝑋]
[𝐶]0

)
𝑥

(
[𝑌]
[𝐶]0

)
𝑦

 

(
[𝐴]
[𝐶]0

)
𝑎

(
[𝐵]
[𝐶]0

)
𝑏  

2.12  
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When species in a reaction are pure solids or pure liquids, their chemical potentials 

approximate to their standard chemical potentials. 

 𝜇𝑗 ≅ 𝜇𝑗
0 2.13  

The standard chemical potential is independent of the amount of material present. 

Consequently, terms for these do not appear in expressions for the equilibrium 

constant. 

 

2.1.2 The Nernst Equation 

 

We have seen that chemical potentials control the position of chemical equilibria; in 

electrochemistry, it is electrochemical equilibria that we are primarily concerned with. 

The position of the equilibria in this framework is governed by a balance between the 

chemical energies and electrical energies present. In order to represent both forms of 

energy fully, we introduce the term of electrochemical potential of a species X. 

 𝜇𝑋̅̅ ̅ = 𝜇𝑋 + 𝑍𝑋𝐹𝜙 2.14  

This sums the contribution from the chemical potential, X, and the electrical energy; 

with ZX being the formal charge on species X, F representing Faraday’s constant 

(96486.4 C) and  being the potential of the specific phase, be that electrode or 

solution, where species X resides. The equation above allows for the analysis of 

electrochemical equilibria, recognising that the electrochemical potentials of products 

and reactants will balance, as shown before with chemical potentials. Returning to our 

previous reaction, 

 𝐹𝑒3+ + 𝑒− ⇌ 𝐹𝑒2+ 2.15  

would mean the conditions of the equation are 

 𝜇𝐹𝑒3+̅̅ ̅̅ ̅̅ ̅ + 𝜇𝑒−̅̅ ̅̅̅ = 𝜇𝐹𝑒2+̅̅ ̅̅ ̅̅ ̅ 2.16  

therefore, applying the definition of electrochemical potential described above, 

 (𝜇𝐹𝑒3+ + 3𝐹𝜙𝑆) + (𝜇𝑒− − 𝐹𝜙𝑀) = (𝜇𝐹𝑒2+ + 2𝐹𝜙𝑆) 2.17 

where S and M refer to the potentials of the solution and metal electrode respectively. 

This is rearranged. 

 𝐹(𝜙𝑀 − 𝜙𝑆) = 𝜇𝐹𝑒3+ + 𝜇𝑒− − 𝜇𝐹𝑒2+ 2.18  

Knowing that, 

 
𝜇𝐹𝑒3+ = 𝜇𝐹𝑒3+

𝑜 + 𝑅𝑇 ln(
[𝐹𝑒3+]

𝐶𝑜
) , and 

2.19  
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𝜇𝐹𝑒2+ = 𝜇𝐹𝑒2+

𝑜 + 𝑅𝑇 ln(
[𝐹𝑒2+]

𝐶𝑜
) 

2.20  

we find the Nernst equation for a single electrode/solution interface, 

 
𝜙𝑀 − 𝜙𝑆 =

∆𝜇0

𝐹
+
𝑅𝑇

𝐹
ln (

[𝐹𝑒3+]

[𝐹𝑒2+]
) 

2.21  

where, 

 Δ𝜇𝑜 = 𝜇𝐹𝑒3+
𝑜 + 𝜇𝑒−

𝑜 − 𝜇𝐹𝑒2+
𝑜  2.22  

which remains constant at a stated pressure and temperature.1 

 

2.1.3 Standard and Formal Potentials 

 

For the Nernst equation at a single electrode/solution interface we used the relationship 

between chemical potential and concentration. 

 
𝜇𝑗 = 𝜇𝑗

𝑜 + 𝑅𝑇 ln (
[𝑗]

𝐶𝑜
) 

2.23  

This is true for an ideal system. In practice however, solutions of electrolytes do not 

behave ideally. Consequently, it is appropriate to discuss the effective concentrations, 

otherwise known as the activity. 

 𝛼𝑗 = 𝛾𝑗[𝑗] 2.24  

Where j is the activity of species j and j the activity coefficient for the species. When 

this coefficient is below unity, the electrolyte solution is stabilized compared to a 

scenario where the ions have no charge. Likewise, when the activity coefficient is 

above unity the solution is destabilized compared to a scenario where the ions have no 

charge. It is possible to calculate the activity coefficient in aqueous solutions at 298 

K, devised by Debye and Hückel in 1923.2,3  

 𝑙𝑜𝑔10𝛾𝑗 = −0.509 𝑍𝑗
2√𝐼 2.25  

 𝑙𝑜𝑔10𝛾± = −0.509 |𝑍+𝑍−|√𝐼 2.26  

Where j is the activity coefficient for an individual ion, j,  is the mean ionic activity 

coefficient for an electrolyte solution, Z is the charge on the ion in question and I is 

the ionic strength. 

 
𝐼 =

1

2
∑𝐶𝑖𝑍𝑖

2 
2.27  
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In which, C is the concentration of species i and Z is the charge on species i. The 

Debye - Hückel law predicts the activity coefficient accurately for I ≤ 10-2 M; above 

which it deviates dramatically due to solvation effects. This activity coefficient is 

therefore incorporated into the first equation of this section. 

 
𝜇𝑗 = 𝜇𝑗

𝑜 + 𝑅𝑇 ln (
𝛾𝑗[𝑗]

𝐶𝑜
) 

2.28  

When however, the chemical potentials of a redox couple are equal, the coefficient is 

equal to unity and hence removed from the equation.  

 

The effects of ion solvation in this context were explored by Bjerrum,4 followed by 

Stokes and Robinson;5,6 whereby, they utilised the Debye – Hückel equation to 

calculate the mean rational activity coefficient, 𝑓±, in order to calculate the mean molal 

activity coefficient, 𝛾±, 

𝑙𝑜𝑔 𝛾± =  𝑙𝑜𝑔 𝑓± −
ℎ

𝑣
 𝑙𝑜𝑔 αw − 𝑙𝑜𝑔 [1 − 0.018(ℎ − 𝑣)𝑚] 

2.29 

Where h is the hydration number, v is the stoichiometric ion number of the electrolyte, 

αw is the activity of water and m is the molality of the solution. 

 

There are extensive tables7–9 of standard electrode potentials in literature that are all 

measured against the standard hydrogen electrode as mentioned previously.10 This 

means for a measured electrode potential, 𝐸𝑐𝑒𝑙𝑙
0 , of a general formal cell reaction, 

 𝑎𝐴 + 𝑏𝐵 ⇌ 𝑥𝑋 + 𝑦𝑌 2.30  

 
𝐸𝑐𝑒𝑙𝑙
0 = 𝐸0(𝐴, 𝐵 → 𝑋, 𝑌) +

𝑅𝑇

𝐹
ln (

𝛾𝐴
𝑎𝛾𝐵
𝑏[𝐴]𝑎[𝐵]𝑏

𝛾𝑋
𝑥𝛾𝑌
𝑦[𝑋]𝑥[𝑌]𝑦

) 
2.31  

where E0(A, BX, Y) is the standard electrode potential of the A,B/X,Y couple. It is 

extremely difficult to create the scenario where the activity coefficients are equal to 

unity. Consequently, the term of formal potential, Ef
0, is introduced which is a good 

approximation of the standard potentials. 

 
𝐸 = 𝐸𝑓

0(𝐴, 𝐵 → 𝑋, 𝑌) +
𝑅𝑇

𝐹
ln (

[𝐴]𝑎[𝐵]𝑏

[𝑋]𝑥[𝑌]𝑦
) 

2.32  

The formal potential is a combination of the standard electrode potential and the 

activity coefficient term in equation 2.31. 

 
𝐸𝑓
0 = 𝐸0 +

𝑅𝑇

𝐹
ln (

ΠReact𝛾𝑖
ΠProd𝛾𝑗

) 
2.33 
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Formal potentials, as with standard potentials, are dependant of temperature and 

pressure, due to the definition of ‘standard’ being at 105 N m-2 pressure for the standard 

hydrogen electrode. They also depend on the electrolyte concentration in the entire 

solution. This variable loses the thermodynamic generality of the standard potential 

but allows for experimental work to proceed. 

 

2.1.4 Electrode Potentials 

 

Electrochemistry is the study of interfacial charge transfer. Typically, this is across a 

metal/liquid interface. Therefore, in the case where a redox reaction is studied, when 

no current flows, for example 

 𝐹𝑒3+ + 𝑒− ⇌ 𝐹𝑒2+ 2.34  

an electrochemical equilibrium is created in the presence of an electrode. This 

equilibrium is established at the surface of the electrode and involves the compounds 

in solution, along with the electrons present in the metal. The rates of heterogeneous 

charge transfer in the forward and reverse direction are identical under equilibrium 

conditions; with no significant changes in the concentration of the two charged species 

occurring once an equilibrium is established. In this framework, ion Fe2+ may be 

oxidised at the surface of the electrode to yield Fe3+ and electrons in the metallic 

electrode, likewise, Fe3+ may be reduced by taking an electron from the electrode to 

form Fe2+. Since the reactions both occur at the same rate, there is no net build-up of 

charge in the electrode.1 

 

When an equilibrium has been established a charge separation will exist between the 

electrode and solution. Consequently, a potential exists on the electrode relative to the 

solution. At an electrode | solution interface the overall potential difference that exists 

consists of two types of potential; the Volta (outer) potential and the Galvani (inner) 

potential. The Volta potential, φ, corresponds to across the metal | electrolyte interface 

and is defined as the work required to move a point charge from infinite distance to 

just outside (0.1 – 10 μm) the phase surface.11 The Galvani potential, ϕ, is the 

electrostatic potential experienced by a charged particle while it is inside a phase and 

is defined as the work required to bring a point charge from infinite distance to inside 
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the phase.12 This means the drop in potential at the interface between the electrode and 

solution, M/S, 

 ∆𝜙𝑀/𝑆 = 𝜙𝑀 − 𝜙𝑆 2.35  

where M  and S are defined as the potentials of the metal electrode and solution 

respectively. The potential drop, E or 𝜙𝑀 − 𝜙𝑆, is not directly measurable at a single 

electrode/solution interface as there would be two of these interfaces present; 

therefore, a reference electrode is utilised. A reference electrode (R.E) maintains a 

constant potential value against which the potential drop, E, at the working electrode 

(W.E) can be measured. 

 𝐸 = (𝜙𝑀 − 𝜙𝑆)𝑊.𝐸 − (𝜙𝑀 − 𝜙𝑆)𝑅.𝐸 2.36  

The standard hydrogen electrode, E° = 0.00 V, is the reference that all electrochemical 

datum are conveniently reported against. The electrode is only considered to be 

standard when it is has a set value for the pressure at 105 N m-2 and hydrogen ion 

concentration of unity. In reality however, this is not fully realised as the solution itself 

is not ideal, therefore, the proton concentration must be slightly higher at 1.18 mol dm-

3. This reference is not always used experimentally however; other references, such as 

a calomel electrode, are used as well. To continue to report data against the correct 

reference is achieved by adding a correlating term to the measured potential. For 

example, a calomel reference electrode gives a value of + 0.242 V when measured 

against a standard hydrogen electrode. Consequently, potentials measured with a 

calomel reference should have this number added to correlate with the standard 

hydrogen electrode data. 

 

The concept of electrode potentials can be re-evaluated by looking at the energy levels 

associated with the potential determining equilibrium, considering the same process 

as before, 

 𝐹𝑒3+ + 𝑒− ⇌ 𝐹𝑒2+ 2.37  

taking place at an interface between a metal electrode and solution. In metals, the 

electronic structure consists of conduction bands and valence bands. In conductors the 

valence band and conduction band overlap. This overlap allows for the free movement 

of electrons through the structure of the solid. The energy levels in these bands fill up 

to a maximum level, known as the Fermi level. In solution the energy levels differ; 

they are discrete and relate to an unfilled conduction band in the Fe3+ ion which joins 
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with an electron to form Fe2+. It is important to realise that the energy value of the 

electron in the two different complexes will vary due to changes in the solvation 

around the ion as it goes from Fe3+ to Fe2+. 

 

Figure 2.1 – A diagram indicating the relative levels of electron energy in the 

electrochemical system, before and after electron transfer occurs. 

 

Prior to electron transfer in this electrochemical reaction, the Fermi level of the metal 

electrode in the system is of a higher energy than the vacant orbital in Fe3+, shown in 

the initial state in figure 2.1. This indicates that it is energetically favourable for the 

electrons in the Fermi level to exit the metal and join the vacant orbital, in turn 

converting Fe3+ into Fe2+. Logically, the metal electrode will now have a net positive 

charge after the departure of the negatively charged electron; whereas the solution will 

have a net negative charge from the influx of these electrons. The implication of this 

is a reduction in the Fermi level energy of the metal, as the energy refers directly to 

electron energy, and an increase in the solution energy. This continues until an 

equilibrium is reached, whereby the energy levels of the three species are equal, shown 

in the final state of figure 1. Once this situation is attained, there is no further net 

charge alteration, there is, however, the presence of a charge separation between the 

electrode and solution.1 
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2.1.5 The Electric Double Layer 

 

When an electrode is under potentiostatic control, there will be an influence on the 

species in solution from the charge held at the electrode. The resulting strong 

interactions between an electrode and species in solution give rise to the electric 

double layer, initially presented by Helmholtz in 1853.s13 He suggested that there 

would be a charge density on the electrode, either negative due to an excess of 

electrons or positive due to a deficiency of electrons. This in turn would force the 

rearrangement of ions in solution close to the electrode surface to neutralize the 

interface.  

 

The result is two layers of charge separated by a certain distance, as shown in figure 

2.2, and hence known as the double layer which is analogous to an electrical capacitor. 

 

Figure 2.2 – A graphical representation of the first double layer proposed by 

Helmholtz. 

 

The distance between the two sets of charges is limited by the radius of the ion and its 

solvation sphere. Many alterations were made to the initial model, by Gouy14 and 

Chapman15, Stern16, Grahame17 and finally Bockris, Devanthan and Müller.18 The 

model used presently, figure 2.3, shows the several layers that the interfacial regions 

is separated into. 
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Figure 2.3 – A graphical representation of the current model of the interfacial region. 

 

The closest layer to the electrode surface, defined as the loci of the centres of the 

specifically adsorbed ions, is known as the Inner Helmholtz Plane (IHP). It consists 

of mainly solvent molecules as well as specifically adsorbed species on the electrode 

surface. This layer is defined by the centre of the largest specifically adsorbed species. 

The second layer, defined as the loci of the centres of the solvated ions of opposite 

charge to the specifically adsorbed ions, is known as the Outer Helmholtz Plane 

(OHP). The volume from the OHP to the bulk solution is known as the diffuse layer, 

this consists of a three-dimensional arrangement of non-specifically adsorbed 

molecules. 

 

 

E
le

c
tr

o
d
e

IHP
OHP

Diffuse Layer Bulk Solution

Solvated 

Cation

Specifically Adsorbed 

Anion

Adsorbed Solvent

Molecule



62 

 

2.1.6 Faradaic and Non-Faradaic Processes 

 

At the electrode itself there are two types of current flow that can occur; these are 

categorised as Faradaic and non-Faradaic processes. A Faradaic process refers to the 

current passed when an electroactive species has a change in oxidation state, through 

interfacial electron transfer, and can provide crucial information as to the rate of a 

redox reaction. Due to the nature of these reactions, via the transfer of electrons, they 

are ruled over by Faraday’s Laws of electrolysis, which are described below. 

 

Faraday’s first law states that the amount of any substance that is altered at an 

electrode, through the process of electrolysis, is directly proportional to the amount of 

charge passed at the electrode. Whereas, his second law explains that for any given 

amount of charge, the amount of each particular substance that is altered is governed 

by the stoichiometry of the electrode reaction. The charge, Q, therefore can be 

calculated, 

 𝑄 = 𝑛𝑁𝐹 2.38  

where N corresponds to the number of moles of reactant and F is Faraday’s constant 

(96484.6 C mol-1), this represents the charge on one mole of electrons. 

 

Non-Faradaic processes refer to any charge within the system that arises from anything 

except a chemical reaction or electron transfer. This can be attributed to various 

sources at the electrode/electrolyte interface, such as the movement of electrolyte ions, 

the reorientation of solvent molecules containing a dipole or adsorption and desorption 

effects. These are basically the forms of background electrical current found during 

voltammetric experiments; for example the charging of the electric double layer prior 

to any electron transfer process. This charging process limits the electrochemical 

systems as the application of a voltage, which is temporarily dependant, cannot be 

faster than the time constant for this capacitor charging. In addition to this, the non-

Faradaic current in the system is inherently coupled to the Faradaic process via the 

Ohmic loss. This is where the solution resistance is a major cause behind the voltage 

drop that occurs. The solution resistance is related to the nature of the supporting 

electrolyte in the system, as well as the cell geometry.19 This variance becomes a 

problem when subtracting baseline currents from obtained voltammograms. In reality 
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the total current, iT, observed in an electrochemical system is governed by both the 

Faradaic, if, and non-Faradic, inf, processes. 

 𝑖𝑇 = 𝑖𝑓 + 𝑖𝑛𝑓 2.39  

 

2.2 Electrode Kinetics 

 

This section primarily aims to outline the fundamental process that occurs at an 

electrode surface for reactions involving electron transfer. 

 

2.2.1 Currents and Reaction Flux 

 

In an electroreduction reaction such as, 

 𝐹𝑒3+ + 𝑒− ⇌ 𝐹𝑒2+ 2.40  

the electrode transfer process between the electrode and the Fe3+ ion occurs via a 

process known as quantum mechanical tunnelling. This is a phenomenon where a 

particle can overcome a barrier that it could not classically. The electric double layer 

consists of many adsorbed species and solvent molecules that can hinder the 

electroactive species obtaining direct contact with the electrode surface. 

Consequently, the Fe3+ ion must be within 1 – 2 nm of the electrode surface for the 

required overlap of wavefunctions describing the electron locations in the donor 

(electrode) and acceptor (Fe3+ ion). The transfer of an electron results in the passage 

of electrical current, I (A). This parameter can be related to the flux, j, of a species 

when undergoing electrolysis involving one electron, 

 𝐼 = 𝐹𝐴𝑗 2.41  

where A is the electrode area and F is Faraday’s constant. This flux is known as the 

rate of heterogeneous electrochemical reaction taking place. It can therefore also be 

described in terms of a rate law, 

 𝑗 = 𝑘(𝑛)[𝐹𝑒3+]0
𝑛 2.42  

with n being the order (usually n = 1), k(n) indicating the order of the rate constant 

and the subscript 0 defining the concentration of Fe3+ as that at the surface of the 

electrode. Electrochemical rate constants are similar to heterogeneous and 

homogenous ones in that they are temperature and pressure dependant; in addition to 
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this though, they are highly dependent on the potential. An exponential increase is 

seen; when altering (m - s) by 1 V the value of k can change by a factor of 109. 

 

2.2.2 The Potentiostat 

 

To study the electrode kinetics quantitatively a potentiostat, figure 2.4, in conjunction 

with three electrodes is required; a working electrode (W.E), reference electrode (R.E) 

and counter electrode (C.E). The aim of an electrochemical experiment is to observe 

the current at the working electrode/solution interface as a function of an applied 

potential. 

 

Figure 2.4 – A basic schematic of a potentiostat design. 

 

The potentiostat imposes a fixed potential between the working and reference 

electrode as no current will be drawn through the reference due to operational 

amplifier A. This is because operational amplifiers, denoted by triangles A and B in 

figure 2.4, do not allow current to travel across them. 

 𝐸 = (𝜙𝑀 − 𝜙𝑆)𝑊.𝐸 − (𝜙𝑀 − 𝜙𝑆)𝑅.𝐸 2.43  
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The purpose of the reference electrode is to provide a stable potential; consequently, 

any variance in the measured value of E will be directly as a result of changes at the 

working electrode. The imposition of the potential drop on the working electrode 

interfacial region will cause current to flow. In turn, this current is converted to voltage 

by operational amplifier B. This is the role of the counter electrode; to pass this same 

induced current that is present at the working electrode. Hence, the potentiostat drives 

the counter electrode, through the feedback circuit Rf, to the required potential to pass 

this current. Without the counter electrode in the system, the previous expression 

would be useless as either current would pass through the reference electrode 

consequently disturbing the system and inducing a chemical change which, in turn 

alters the steady potential, or, there would be electrical resistance in the bulk solution 

between the reference and working electrodes leading to a scenario where, 

 𝐸 = (𝜙𝑀 − 𝜙𝑆)𝑊.𝐸 + 𝐼𝑅 − (𝜙𝑀 − 𝜙𝑆)𝑅.𝐸 2.44  

and changes in E would cause unknown changes in IR, leading to a system where (m 

- s)W.E cannot be controlled. One exception to this is when using a microelectrode at 

steady state; when the system is not at steady state a microelectrode trends towards 

the characteristics of a macro electrode. 

 

For a macro electrode the Ohmic loss is directly proportional to the radius of the 

electrode. 

𝜋𝑟0
2.
1

𝑟0
∝ 𝑟0 

2.45  

However, for a microelectrode at steady state the Ohmic loss is proportional to unity. 

𝑟0.
1

𝑟0
∝ 1 

2.46  

 

2.2.3 Butler-Volmer Kinetics 

 

This model underpins the most commonly used interpretations of electrode kinetics. 

It revolves around looking at an electrochemical reaction in the form of, 

 𝐹𝑒3+ + 𝑒− ⇌ 𝐹𝑒2+ 2.47  

where the forward rate constant is denoted by kc and the reverse rate constant by ka, 

representing the cathodic and anodic processes respectively. These are both highly 

potential dependant; whereby we expect cathodic reduction at a negative potential and 
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anodic oxidation at a positive potential. From previously, we can write a rate law for 

the entire process. 

 𝑗 = 𝑘𝑐[𝐹𝑒
2+]0 − 𝑘𝑎[𝐹𝑒

3+]0 2.48  

In the reaction considered, all of the species are charged. Consequently the reaction 

profile is as a function of both M and S. This means by making M more negative 

and keeping S constant we raise the energy of the reactants, as this contains the 

electrons that are present in the metal phase. Counter to this, making S more negative 

and maintaining M we raise the energy of both reactants and products, as both Fe3+ 

and Fe2+ reside in the solution phase but the energy of Fe2+ is raised by a larger amount 

because of the differences in charge on the ions. 

 

This means the reaction profiles, figure 2.5, can be altered by varying the potential of 

the metal and solution phases to either favour the reduction or oxidation process. The 

reduction is favoured for M moving more negatively (or S positively), whereas 

oxidation is favoured for M  moving more positively (or S more negatively). 

 

This means for a reaction profile we can write, 

 
𝑘𝑐 = 𝐴𝑐 exp(

−∆𝐺𝑐
(†)

𝑅𝑇
) 

2.49 

 
𝑘𝑎 = 𝐴𝑎 exp(

−∆𝐺𝑎
(†)

𝑅𝑇
) 

2.50  

where the Arrhenius equation relates the Gibbs energies of activation to the rate 

constants, with Ac and Aa being pre exponential factors, 

 ∆𝐺𝑐
0(†) = 𝐺†

0 − 𝐺0(𝑅) 2.51  

 ∆𝐺𝑎
0(†) = 𝐺†

0 − 𝐺0(𝑃) 2.52  

where  † represents the transition state, R the reactants and P the products. 
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Figure 2.5 – Reaction profiles of an electrochemical process for an electrode held at 

differing potentials. 

 

From section 2.1.2, 

 𝐺0(𝑅) =  𝑐 − 4𝐹𝜙𝑆 − 𝐹(𝜙𝑀 − 𝜙𝑆) 2.53  

 𝐺0(𝑃) = 𝑐′ − 4𝐹𝜙𝑆 2.54 

where c and c' are constants. combining equations 2.53 and 2.54, along with the 

assumption that the transition state will have a Gibbs energy between that of the 

reactants and products, 

 ∆𝐺0(†) = 𝑐′′ − 4𝐹𝜙𝑆 − 𝛽𝐹(𝜙𝑀 − 𝜙𝑆) 2.55  

where  represents the transfer coefficient (0 <  < 1) and c is a further constant. 

From the transfer coefficient we can see that the transition state is more ‘product like’ 

when it is close to zero and more ‘reactant like’ when it is nearing unity. This can in 

turn be used to evaluate the electrochemical rate constants, 

 
𝑘𝑐 ∝ 𝑘𝑐

0 exp [
−𝛼𝐹(𝐸 − 𝐸𝑓

0)

𝑅𝑇
] 

2.56  

 
𝑘𝑎 ∝ 𝑘𝑎

0 exp [
𝛽𝐹(𝐸 − 𝐸𝑓

0)

𝑅𝑇
] 

2.57  

where (E – Ef
0) measures the potential applied to the working electrode relative to the 

formal potential of the system. If we consider the reaction process to be in equilibrium, 

whereby the reduction and oxidation currents are equal and hence the flux is zero. 

Also knowing that the transfer coefficients  and  must equal unity, 

 
𝐸 = 𝐸𝑓

0 +
𝑅𝑇

𝐹
ln (

[𝐹𝑒2+]

[𝐹𝑒3+]
) +

𝑅𝑇

𝐹
ln (

𝑘𝑎
0

𝑘𝑐
0) 

2.58  

but in the scenario where no net current is flowing, 

Reaction Coordinate

G
ib

b
s 

E
n

er
g
y

Reactants Products

Reaction Coordinate

G
ib

b
s 

E
n

er
g
y

Reactants Products

Fe  + e
3+ -

(aq) (m)

Fe  + e3+ -

(aq) (m)

Fe
2+

(aq)

Fe
2+

(aq)



68 

 

 𝑘𝑎
0 = 𝑘𝑐

0 = 𝑘0 2.59 

where k0 is the standard electrochemical rate constant, we produce the most 

convenient form of the the Butler – Volmer model: 

 
𝑘𝑐 = 𝑘

0 exp [
−𝛼𝐹(𝐸 − 𝐸𝑓

0)

𝑅𝑇
] 

2.60  

 
𝑘𝑎 = 𝑘

0 exp [
𝛽𝐹(𝐸 − 𝐸𝑓

0)

𝑅𝑇
] 

2.61  

 

2.2.4 Supporting Electrolyte 

 

We have observed how much alterations in (m - s) can disturb the values of 

electrochemical rate constants. We understand from section 2.2.1 that the potential 

drop must be within 1 – 2 nm of the electrode surface, due to quantum mechanical 

tunnelling, as this is where electron transfer occurs. Consequently, in experimental 

voltammetry, excess electrolyte is added to a solution to compress the potential drop 

distance, making sure it is in the required range. In turn, increasing the concentration 

of electrolyte will lower the Debye length, which is a measure of its effect on the 

surrounding solution. If this was not enforced, the described derived rate constants 

would be inaccurate. Typically, large concentrations (~ 0.1 M) of electrolyte, which 

is chemically inert at the potentials to be investigated, is used. 

 

2.2.5 The Tafel Law 

 

We have explored the relationship between the net flux in an electrochemical system 

at equilibrium and the associated rate constants. 

 𝑗 = 𝑘𝑐[𝐹𝑒
3+]0 − 𝑘𝑎[𝐹𝑒

2+]0 2.62  

 
𝑗 = 𝑘𝑐

0 exp [
−𝛼𝐹(𝐸 − 𝐸𝑓

0)

𝑅𝑇
] [𝐹𝑒3+]0 − 𝑘𝑎

0 exp [
𝛽𝐹(𝐸 − 𝐸𝑓

0)

𝑅𝑇
] [𝐹𝑒2+]0 

2.63  

It describes how when a potential, E, is imposed on an electrode, the resulting net flux 

is a balance between the reduction currents and oxidation currents. When extreme 

potentials are considered two scenarios arise; E >> Ef
0 or E << Ef

0, in either case one 

term from the above equation can be neglected as the process occurring become 

essentially irreversible. In terms of a reduction process, 
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 𝐹𝑒3+ + 𝑒− → 𝐹𝑒2+ 2.64 

 
𝑗 = 𝑘0 exp [

−𝛼𝐹(𝐸 − 𝐸𝑓
0)

𝑅𝑇
] [𝐹𝑒3+]0 

2.65 

or an oxidation. 

 𝐹𝑒2+ − 𝑒− → 𝐹𝑒3+ 2.66 

 
𝑗 = 𝑘0 exp [

𝛽𝐹(𝐸 − 𝐸𝑓
0)

𝑅𝑇
] [𝐹𝑒2+]0 

2.67  

Consequently, this implies as long as the values for [Fe3+]0 and [Fe2+]0 do not vary 

greatly from their values in bulk solution, 

 
ln|𝐼𝑅𝑒𝑑| =

−𝛼𝐹𝐸

𝑅𝑇
+ 𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡 

2.68  

 
ln|𝐼𝑂𝑥| =

𝛽𝐹𝐸

𝑅𝑇
+ 𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡 

2.69  

 

where IRed and IOx refer to the measured currents for the reduction and oxidation 

processes respectively. The magnitude of the transfer coefficients can be elucidated 

by Tafel plots, figure 2.6, of ln I versus E when the concentration of a species is 

constant over the potential investigated. 

 

Figure 2.6 – Tafel plot representations for a reduction and oxidation process 

respectively. 
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Hence for a reduction process, 

 
𝛼 =

−𝑅𝑇

𝐹

∆ln|𝐼𝑅𝑒𝑑|

∆𝐸
 

2.70 

and an oxidation, 

 
𝛽 =

𝑅𝑇

𝐹

∆ln|𝐼𝑂𝑥|

∆𝐸
 

2.71  

remembering that the sum of transfer coefficients is always equal to unity for a 

single electron transfer process. 

 𝛼 + 𝛽 = 1 2.72  

 

2.2.6 Multistep Electron Transfer 

 

So far we have considered a single electron transfer process at an electrode surface. In 

reality, there are many processes that involve two or more steps in the reaction. To put 

this into context we will consider the evolution of hydrogen gas from an acidic 

solution. 

 
𝐻(𝑎𝑞)
+ + 𝑒− →

1

2
𝐻2(𝑔) 

2.73  

This process occurs through the adsorption of hydrogen ions onto a metal surface, M. 

 𝐻(𝑎𝑞)
+ + 𝑒− +𝑀(𝑠) ⇌ 𝐻𝑀(𝑎𝑞) 2.74  

 𝐻(𝑎𝑞)
+ + 𝐻𝑀(𝑎𝑞) + 𝑒

− ⇌ 𝐻2(𝑔) + 2𝑀(𝑠) 2.75  

If we assume the rate laws derived earlier hold true, we can determine the fluxes for 

each step. 

 
𝑗𝐻+ = −𝑘𝐻+

𝐻𝑀

0 exp [
−𝛼1𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,
𝐻+

𝐻𝑀

0 )] [𝐻+]0

+ 𝑘𝐻+
𝐻𝑀

0 exp [
𝛽1𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,
𝐻+

𝐻𝑀

0 )] [𝐻𝑀]0 

2.76  
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𝑗𝐻𝑀 = 𝑘𝐻+

𝐻𝑀

0 exp [
−𝛼1𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,
𝐻+

𝐻𝑀

0 )] [𝐻+]0

− 𝑘𝐻+
𝐻𝑀

0 exp [
𝛽1𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,
𝐻+

𝐻𝑀

0 )] [𝐻𝑀]0

+ 𝑘𝐻𝑀
𝐻2

0 exp [
𝛽2𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,
𝐻𝑀
𝐻2

0 )] [𝐶]0

− 𝑘𝐻𝑀
𝐻2

0 exp [
−𝛼2𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,
𝐻𝑀
𝐻2

0 )] [𝐻𝑀]0 

2.77  

 
𝑗𝐻2 = 𝑘𝐻𝑀

𝐻2

0 exp [
−𝛼2𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,
𝐻𝑀
𝐻2

0 )] [𝐻𝑀]0

− 𝑘𝐻𝑀
𝐻2

0 exp [
𝛽2𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,
𝐻𝑀
𝐻2

0 )] [𝐻2]0 

2.78  

Noting that, 

 𝑗𝐻+ + 𝑗𝐻𝑀 + 𝑗𝐻2 = 0 2.79  

as matter must be conserved. 

 

We know that in the multistep reaction above, one of the steps must be the rate 

determining or the ‘slow’ step. There are two primary possibilities for this example; 

step 1 or step 2. First, let’s consider the scenario where step 1 is rate determining. 

 𝐻(𝑎𝑞)
+ + 𝑒− +𝑀(𝑠)

𝑆𝑙𝑜𝑤
→  𝐻𝑀(𝑎𝑞) 

2.80  

 𝐻(𝑎𝑞)
+ + 𝐻𝑀(𝑎𝑞) + 𝑒

−
𝐹𝑎𝑠𝑡
→  𝐻2(𝑔) + 2𝑀(𝑠) 

2.81  

In this framework, the concentration of HM present in the system will be negligible 

and subsequently removed from the rate law. 

 
𝑗𝐻+ = 𝑘𝐻+

𝐻𝑀

0 exp [
−𝛼1𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,
𝐻+

𝐻𝑀

0 )] [𝐻+]0 
2.82  

Therefore, Tafel analysis can be completed. 

 
ln|𝐼𝑅𝑒𝑑| =

−𝛼1𝐹𝐸

𝑅𝑇
+ 𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡 

2.83  

If Tafel analysis produces a slope of ~ 0.5 then it is highly likely for the first step to 

be the rate determining one. This scenario is typical for metals that possess lower 

enthalpies of adsorption for hydrogen, such as gold, silver, nickel, copper, iron and 

zinc. 

 



72 

 

Considering the alternative scenario, where the second step is rate determining. 

 𝐻(𝑎𝑞)
+ + 𝑒− +𝑀(𝑠)

𝐹𝑎𝑠𝑡
→  𝐻𝑀(𝑎𝑞) 

2.84  

 𝐻(𝑎𝑞)
+ +𝐻𝑀(𝑎𝑞) + 𝑒

−
𝑆𝑙𝑜𝑤
→  𝐻2(𝑔) + 2𝑀(𝑠) 

2.85  

In this framework, the first step can be observed as a ‘pre-equilibrium’. Therefore, in 

this scenario, where the electrode area is represented by A and Faraday’s constant by 

F. 

 𝐼𝑅𝑒𝑑 = 𝐹𝐴(𝑗𝐻+ + 𝑗𝐻𝑀) = −𝐹𝐴𝑗𝐻2 2.86  

Consequently, with Tafel analysis, where the oxidation of H2 can be ignored. 

 
𝑗𝐻2 = −𝑘𝐻𝑀

𝐻2

0 exp [
−𝛼2𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,
𝐻𝑀
𝐻2

0 )] [𝐻𝑀]0 
2.87  

However, because of the previously stated pre-equilibrium, 

 [𝐻𝑀]0
[𝐻+]0

= exp [
−𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,
𝐻+

𝐻𝑀

0 )] 
2.88  

which therefore means that 𝑗𝐻2 will actually be, 

 
𝑗𝐻2 = −𝑘𝐻𝑀

𝐻2

0 exp [
−𝛼2𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,
𝐻𝑀
𝐻2

0 )] exp [
−𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,
𝐻+

𝐻𝑀

0 )] [𝐻+]0 
2.89  

therefore, as long as [H+]0 remains similar to its value in bulk solution. 

 
ln|𝐼𝑂𝑥| =

−(1 + 𝛼2)𝐹𝐸

𝑅𝑇
+ 𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡 

2.90  

 

In this scenario Tafel analysis will give a slope value of ~1.5, indicating that the second 

step is rate determining. As the removal of hydrogen from the metal surface is rate 

determining, it follows that this scenario is typical of metals that possess a larger 

enthalpy of adsorption for hydrogen; such as platinum, tungsten and molybdenum. 

Which scenario a metal falls into is governed by the strength of the M-H bond it forms 

versus the standard electrochemical rate constant, k⁰. This was first proposed by 

Parsons20 and can be presented in the form of a 'volcano plot', figure 2.7. 
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Figure 2.7 - A volcano plot of current density versus the energy of hydride formation, 

adapted from Quaino et al.21 using data from Trasatti.22 

 

The two discussed scenarios can also be represented in the form of reaction profiles, 

figure 2.8. 

Figure 2.8 – Reaction profiles for case 1 where the first step is the rate determining 

step and case 2 where the second step is rate determining for the evolution of hydrogen 

gas. 
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There is a third scenario that occurs in this situation from the use of a palladium 

electrode. Tafel analysis of this scenario produces a slope of ~ 2. It arises from a 

second order electrochemical process in which the second step is the rate determining 

reaction as follows. 

 𝐻(𝑎𝑞)
+ + 𝑒− +𝑀(𝑠)

𝐹𝑎𝑠𝑡
→  𝐻𝑀∙ 2.91  

 2𝐻𝑀∙
𝑆𝑙𝑜𝑤
→  𝐻2 + 2𝑀 

2.92  

In which, HM. is the surface coverage of hydrogen on the electrode surface. 

 𝑟𝑎𝑡𝑒 ∝ [𝐻𝑀.]2 2.93  

The pre-equilibrium step in this scenario means that the electrode potential, E, is in 

control of the coverage; this is seen using the Nernst equation. 

 
𝐸 = 𝐸

𝑓 (
𝐻+

𝐻𝑀.
)

0 +
𝑅𝑇

𝐹
ln (

[𝐻+]

[𝐻𝑀.]
) 

2.94  

This allows for the concentration of adsorbed species to be found. 

 
[𝐻𝑀.] = [𝐻+] exp [−

𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓 (
𝐻+

𝐻𝑀.
)

0 )] 
2.95  

 
𝑟𝑎𝑡𝑒 ∝ [𝐻𝑀.]2 ∝ [𝐻+]2 exp [−

2𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓 (
𝐻+

𝐻𝑀.
)

0 )]  
2.96  

This results in a transfer coefficient equal to 2. 

 

2.2.7 Marcus Theory 

 

Marcus theory was developed by Marcus23,24 and Hush25 following work by Franck 

and Libby26 and concerns itself with the underlying principles in the process of 

electron transfer. If we consider the potential energy against reaction coordinate 

profiles, figure 2.9, for the reactants and products in the following reaction. 

 𝐹𝑒2+ → 𝐹𝑒3+ + 𝑒− 2.97  

The Frank-Condon principle tells us that the transfer of an electron occurs over a much 

shorter timescale than that of a molecular vibration. This means in the profile, an 

electron ‘jump’ would occur as a vertical transition in regards to reaction coordinate. 

All of this says that the reaction itself must proceed via thermal activation of the 

reactant so that it may reach the minimum energy requirement of the crossing point in 
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the profile. This thermal activation occurs via bond lengths and angles in the molecule 

undergoing stretching, compression and distortion. Once the reactant has obtained the 

required energy, during vibrations of the excited ion the electron tunnelling process 

may take place to form a vibration induced excited product ion with an identical 

energy. Following this, rapid thermal deactivation of the molecule takes place via 

collisions with solvent molecules until a ground state is reached. 

 

As a general rule, if the oxidised and reduced species are similar in molecular 

geometries then the value of k0 will be large as a small activation barrier will be 

present. Conversely, if the oxidised and reduced species are significantly structurally 

different then k0 will be small as the activation barrier is large. 

 

Figure 2.9 – Plot of potential energy versus reaction coordinate for the oxidation of 

Fe2+ to Fe3+. 

 

Electron transfer events can occur in two main ways, inner and outer sphere processes. 

This concept is familiar for homogenous chemistry, where electron transfer occurs 

either via weak interactions between reactive species or, via a common shared ligand; 

in regards to heterogeneous chemistry it refers to the interfacial region mentioned 

previously.  
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Outer sphere processes (A), figure 2.10, happen when the reactant centre is in the 

Outer Helmholtz Plane. Inner sphere processes (B), figure 2.10, involve specifically 

adsorbed species and hence depend greatly on the nature of the electrode surface. 

 

 

Figure 2.10 – A diagram showing the interfacial region where outer (A) and inner 

sphere processes (B) occur. 

 

Figure 2.11 – Plot showing an adiabatic process in Marcus theory. 
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Exploring Marcus theory further produces two scenarios, adiabatic and non-adiabatic. 

In the potential energy plot, figure 2.11, where the two curves would meet there is 

instead potential mechanical splitting producing an energy gap known as resonance 

energy. 

 

If this splitting is significant, the reaction will proceed via the lower pathway, denoted 

by the arrow, with the probability of occurring close to unity; this is known as the 

adiabatic limit. Conversely, if the perturbation in potential energy is small, resulting 

in a small gap, a non-adiabatic process takes place whereby the probability of electron 

transfer greatly shifts away from unity trending towards zero. In most cases the energy 

gap is a few kilojoules per mole meaning that most reactions are adiabatic. This means 

that the electrochemical rate constant can be defined as, 

 
𝑘 = 𝜅𝑍𝑒

−∆𝐺(†)
𝑅𝑇  

2.98  

where 𝜅 is the transition probability (~ 1 for adiabatic processes) and Z is a pre-

exponential factor. Therefore, this means the Gibbs energy of activation can be 

calculated from the potential energy curves and transition state location can be 

approximated. 

 

These plots can be treated as parabola, hence formulas for the Gibbs energy derived. 

 
𝐺𝑅 = 𝐺𝑅(𝑋 = 𝑋𝑅) +

1

2
𝑘(𝑋 − 𝑋𝑅)

2 
2.99  

 
𝐺𝑃 = 𝐺𝑃(𝑋 = 𝑋𝑃) +

1

2
𝑘(𝑋 − 𝑋𝑃)

2 
2.100  

This in turn, at the transition state, implies these equations are equal, hence solving in 

terms of X† gives, 

 
𝑋† =

1

2
(𝑋𝑅 + 𝑋𝑃) −

𝐺𝑃(𝑋 = 𝑋𝑃) − 𝐺𝑅(𝑋 = 𝑋𝑅)

𝑘(𝑋𝑅 − 𝑋𝑃)
 

2.101  

which can produce a simplified equation for the Gibbs energy of activation. 

 
∆𝐺(†) =

(λ + Δ𝐺)2

4𝜆
 

2.102  

where, 

 
𝜆 =

1

2
𝑘(𝑋𝑅 − 𝑋𝑃)

2 𝑎𝑛𝑑 Δ𝐺 = 𝐺𝑃(𝑋 = 𝑋𝑃) − 𝐺𝑅(𝑋 = 𝑋𝑅) 
2.103  
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This equation relates the size of k0 to changes between the geometries of reactants and 

products; whereby a larger  value gives a larger Gibbs energy of activation. The term 

 has two contributing factors, 

 𝜆 = 𝜆𝑖 + 𝜆𝑜 2.104  

where i refers to bending and stretching in a molecule. 

 
𝑖 =∑

𝑘𝑗
𝑅𝑘𝑗

𝑃

𝑘𝑗
𝑅 + 𝑘𝑗

𝑃 (𝑋𝑅
𝑗
− 𝑋𝑃

𝑗
)2

𝑗

 
2.105  

In which kj
R and kj

P  are normal mode force constants in the reactants and products 

respectively and (XR
j – XP

j) represents changes in bond lengths and angles between 

the reactants and products. 

 

The variable o refers to solvent reorganisation, where these changes arise from 

random fluctuations of solvent molecules around a species, 

 
𝑜 =

𝑒2

8𝜋𝜀0
(
1

𝑟
−
1

2𝑑
)(

1

𝜀𝑜𝑝
−
1

𝜀𝑠
) 

2.106  

where d is the distance from the reactant to the electrode surface, op is the optical 

dielectric constant and s is the static dielectric constant. 

 

2.3 Mass Transport 

 

This section specifically deals with the processes that define the movement of species 

in solution and how this affects the electrochemical process taking place. Mass 

transport can be separated into three main forms; convection, migration and diffusion. 

We will consider these cases and look at how they can be used to gain vital information 

about the systems. 

 

2.3.1 Convection 

 

Convection is mechanical bulk fluid movement within a solution, outside of the 

diffusion layer, around an electrode surface; this allows it to be utilised for 

hydrodynamic electrodes. The phenomenon can be present in two separate forms, 

natural and forced convection. Natural convection is present in all solutions and can 

arise from three main sources. Thermal gradients can be created by electrode processes 
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being exothermic or endothermic in nature, density gradients arise from bulk solution 

reactant densities varying from that of the bulk solution and finally Marangoni effects, 

or surface tension gradients, are produced by local perturbations that increase the area 

of solution adjacent to the surface of the electrode. Natural convection effects are 

undesirable as they are extremely difficult to predict or model; however, they can be 

assumed irrelevant when measurements are short lived, under 10-20 seconds. 

Secondly, forced convection is mechanical fluid movement given to the system 

through agitation methods such as rotation (rotating disc voltammetry) and 

hydrodynamic flow (channel flow voltammetry). This convection overwhelms the 

natural form and can be controlled or altered; this changes the reaction timescale, 

allowing for information about the kinetics or mechanisms to be obtained. 

 

2.3.2 Migration 

 

Generally, in electroanalytical experiments, migration of the electroactive species can 

be neglected due to the high excess of inert electrolyte present in solution. Migration 

itself refers to the transport of ions under an electrical potential. It is the electrolyte 

that transports the majority of charge via ion transport between electrodes; this leaves 

the electroactive species unaffected. 

 

2.3.3 Diffusion 

 

Diffusion is an entropically driven process; it occurs with solute species moving down 

a concentration gradient where a species will move from an area of high concentration 

to an area of low concentration. At any point, x, along this concentration gradient, 

there will be a corresponding diffusive flux, j, which is quantified by Fick’s first law. 

 
𝑗 = −𝐷

𝜕𝑐

𝜕𝑥
 

2.107  

Where D is the diffusion coefficient, c is the concentration and the negative sign 

implies that the movement of species, due to diffusion, is down the concentration 

gradient. The flux can be looked at as the number of moles of something passing 

through a unit area in a unit of time. Logically, in general, this means that larger 

molecules tend to have smaller diffusion coefficients; however, this is not always the 
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case. Voltammetry should be thermostatically controlled due to the highly dependent 

nature of the diffusion coefficient on temperature, 

 
𝐷 = 𝐷∞ exp [

−𝐸𝑎
𝑅𝑇
] 

2.108  

with D representing the diffusion coefficient at an infinite temperature, Ea the 

activation energy, R the molar gas constant and T the absolute temperature. In addition 

to temperature control, excess supporting electrolyte should be added to solutions to 

eliminate the impact of electric fields on the solution. If this was not the case and the 

species present in solution were of a charged nature, an electric field would make a 

significant difference in the diffusive properties. 

 

Fick’s first law told us the flux of a species at a particular point; his second law 

concerns itself with how the concentration, c, at a point, x, varies with time, t. 

 𝜕𝑐

𝜕𝑡
= 𝐷

𝜕2𝑐

𝜕𝑥2
 

2.109  

This corresponds to a one dimensional scenario. In three dimensions, all axis must be 

accounted for, x, y and z. 

 𝜕𝑐

𝜕𝑡
= 𝐷 (

𝜕2𝑐

𝜕𝑥2
+
𝜕2𝑐

𝜕𝑦2
+
𝜕2𝑐

𝜕𝑧2
) 

 

2.110  

2.3.4 The Cottrell Equation 

 

In experiments, the current, I, at an electrode is given as, 

 𝐼 = 𝑛𝐹𝐴𝑗 2.111  

where n is the number of electrons passed in the reaction, F is Faraday’s constant, A 

is the electrode area and j is the flux. This flux is given by Fick’s first law, 

 
𝑗 = 𝐷

𝜕𝑐

𝜕𝑥
=

𝐷

2√𝐷𝑡

𝜕𝑐

𝜕Γ
  

2.112  

where D is the diffusion coefficient, t is the time,  is defined by, 

 Γ =
𝑥

2√𝐷𝑡
 2.113  

and is utilised to solve Fick’s second law when considering the scenario of a potential 

step. This is when at a time, t = 0, a potential is applied to an electrode so that the 

system goes from a state of no reaction to one where all electroactive species at the 
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electrode will react. It follows that the current resulting from when a potential step 

decays to zero has an inversely proportional dependency on the square root of time. 

This relationship is described in the Cottrell equation.27 

 
𝐼 =

𝑛𝐹𝐴√𝐷𝐶∗

√𝜋𝑡
 

2.114  

In which C* is the bulk concentration and n is the number of electrons transferred. We 

are also able to calculate the charge, Q, passed as a function of time. 

 
𝑄 = 2𝑛𝐹𝐴

√𝐷𝑡

√𝜋
𝐶∗ 

2.115  

This is especially useful to quantify the extent of electrolysis in a system by giving the 

number of moles of a reactant, N, that has been consumed. 

 
𝑁 =

𝑄

𝑛𝐹
 

 

2.116  

2.3.5 The Nernst Diffusion Layer 

 

In reality, the current in an experiment will not drop to zero as predicted by the Cottrell 

equation; but rather it will fall to a steady state value, which is in agreement with the 

Nernst Diffusion Layer Model, figure 2.12. 

Figure 2.12 – A pictorial representation of the Nernst Diffusion Layer Model.  
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This model describes the solution past a certain distance, , away from the electrode 

surface as ‘well mixed’; therefore maintaining a constant concentration of 

electroactive species. The mixing that occurs in solution can be through natural 

convection, which in turn can be driven by poor thermostatic control. Close to the 

electrode surface however, natural convection is no longer a factor for consideration 

due to the frictional forces present in conjunction with the rigidity of the electrode 

itself. This zone between the electrode surface and  is known as the diffusion layer. 

The concentration of species only changes in this layer where diffusional transport is 

operational; consequently, the steady state diffusional flux can be calculated by 

utilising Fick’s first law, 

 
𝑗 = 𝐷

𝜕𝑐

𝜕𝑥
=
𝐷𝐶∗

𝛿
 

2.117  

with the corresponding steady state current, Iss, given by: 

 𝐼𝑠𝑠 = 𝑛𝐹𝐴𝑚𝑇𝐶
∗ 2.118  

where mT is the mass transfer coefficient. 

 
𝑚𝑇 =

𝐷

𝛿
 

2.119  

Realistically, the stagnant diffusion zone and mixing zones presented in figure 2.12 

merge into one another with a typical diffusion distance between 10 – 100 microns. 

 

2.3.6 Mass Transfer Versus Electrode Kinetics 

 

To observe the effect of both variables previously discussed, electrode kinetics and 

mass transport, we will consider the following reaction. 

 𝐴 + 𝑒− ⇌ 𝐵 2.120  

To do this correctly, certain assumptions must be made; firstly, that the concentrations 

in the bulk solution are [A]Bulk and [B]Bulk and the electrode will have a diffusion layer 

with a mass transport coefficient. 

 
𝑚𝑇 =

𝐷

𝛿
 

2.121  

Whereby, the diffusion coefficient for both species A and B are equal. Secondly, 

assuming that potentiostatic three electrode control is implemented the 

electrochemical rate constants can be written as discussed previously. 
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𝑘𝑐 = 𝑘

0 exp [
−𝛼𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,(
𝐴
𝐵
)

0 )] 
2.122  

 
𝑘𝑎 = 𝑘

0 exp [
𝛽𝐹

𝑅𝑇
(𝐸 − 𝐸

𝑓,(
𝐴
𝐵
)

0 )]  
2.123  

This scenario is one dimensional if the electrode surface is uniformly accessible, 

therefore the corresponding fluxes are given. 

 𝑗𝐴 = 𝑚𝑇[𝐴]0 − [𝐴]𝐵𝑢𝑙𝑘 = −𝑗𝐵 2.124  

 𝑗𝐵 = 𝑚𝑇[𝐵]0 − [𝐵]𝐵𝑢𝑙𝑘 2.125  

 −𝑗𝐴 = 𝑘𝑐[𝐴]0 − 𝑘𝑎[𝐵]0 2.126  

These equations can be solved by introducing transport limited currents, in turn 

eliminating the unknown variable of surface concentrations. 

 𝑗𝐴,𝑙𝑖𝑚 = −𝑚𝑇[𝐴]𝐵𝑢𝑙𝑘 2.127  

 𝑗𝐵,𝑙𝑖𝑚 = −𝑚𝑇[𝐵]𝐵𝑢𝑙𝑘  2.128  

This results in the flux being represented by, 

 𝑗 = −𝑗𝐴 = 𝑗𝐵 2.129  

 
𝑗 =

𝑘𝑐𝑗𝐴,𝑙𝑖𝑚 − 𝑘𝑎𝑗𝐵,𝑙𝑖𝑚
𝑚𝑇 + 𝑘𝑐 + 𝑘𝑎

 
2.130  

which results in three possible scenarios. 

 

1) kc >> ka, mT 

In this framework, the flux will trend to jA, lim. 

 𝑗 → 𝑗𝐴,𝑙𝑖𝑚 2.131  

The flux is controlled by the maximum rate of diffusion as the current seen is 

independent of the potential applied. This corresponds to a scenario where the 

electrode surface concentration of A is reduced to zero. 

 
𝑗𝐴,𝑙𝑖𝑚 =

−𝐷[𝐴]𝐵𝑢𝑙𝑘
𝛿

 
2.132  

This can be achieved experimentally by applying a large negative potential to an 

electrode. This encourages a rapid rate of forward reaction and negligible reverse 

reaction. 

 𝐴 + 𝑒− → 𝐵 2.133  

 

2) ka >> kc, mT 

In this framework, the flux trends to –jB, lim. 
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 𝑗 → −𝑗𝐵,𝑙𝑖𝑚 2.134  

This scenario also produces a transport controlled environment, hence, potential 

independent flux is again observed. 

 
𝑗𝐵,𝑙𝑖𝑚 =

𝐷[𝐵]𝐵𝑢𝑙𝑘
𝛿

 
2.135  

Experimentally this is achieved by applying very large positive potentials to an 

electrode. This makes the reverse process extremely quick. 

 𝐵 → 𝐴 + 𝑒− 2.136  

 

3) mT >> kc, ka. 

In this framework, the system is under control of the electrode kinetics rather than the 

mass transport. This means that the current flowing in the system is sensitive to the 

electrode potential. The flux is therefore calculated as follows. 

 
𝑗 =

𝑘𝑐𝑗𝐴,𝑙𝑖𝑚 − 𝑘𝑎𝑗𝐵,𝑙𝑖𝑚
𝑚𝑇

 
2.137  

 𝑗 = −𝑘𝑐[𝐴]𝐵𝑢𝑙𝑘 + 𝑘𝑎[𝐵]𝐵𝑢𝑙𝑘 2.138  

 

This framework produces three types of dependence on the potential, known 

commonly as voltammograms, figure 2.13, where θ = F[E-Ef
0]/RT and j is the flux. 

 

A. k0 >> mT (A – full line) 

A single voltammetric peak is observed that centres around the tabulated formal 

potential for the given redox couple 

 

B. k0 ~ mT (B – dashed line) 

This is the intermediate case where the voltammogram is centred around the formal 

potential but spread much wider than the case above. 

 

C. k0 << mT (C – dotted line) 

Two distinct peaks are seen; these refer to the two individual sides of the redox couple. 

There is negligible current flowing at the value of the formal potential and hence 

overpotentials have to be utilized to drive the reactions. 
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Figure 2.13 – Voltammograms showing the three scenarios arising when the 

voltammetry is under the control of the electrode kinetics; (A) the rate constant is 

much greater than the mass transport coefficient, (B) the rate constant and mass 

transport coefficient are similar and (C) the rate constant is much smaller than the 

mass transport coefficient. Where j is the flux and θ = F[E-Ef
0]/RT. 

 

2.4 Electroanalytical Techniques 

 

2.4.1 Cyclic Voltammetry 

 

Cyclic voltammetry is a vital and extensively employed electroanalytical technique. It 

revolves around the application of a potential, Einitial, to the working electrode and 

‘sweeping’ it linearly to another defined potential, Efinal; at this point the scan is 

reversed, typically but not always, back to E1. The classical waveform that is applied 

is shown in figure 2.14. 

 

Experimentally the current flowing through the working electrode is recorded as a 

function of the applied potential. This is represented in a plot of this current, I, versus 

potential, E, more commonly referred to as a voltammogram. 

j
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Figure 2.14 – A triangular waveform used for cyclic voltammetry. 

 

2.4.2 Reversibility 

Previously we have observed how larger or smaller electrochemical rate constants, k0, 

can be produced by the presence of fast or slow electron transfer; the terms ‘large’ and 

‘small’ are relative to the rate of mass transport. This change in electrochemical rate 

constant can provide very differing voltammograms. 

Matsuda and Ayabe28 suggested that slow electrode kinetics are indicative of an 

irreversible system (typically k0 < 10-5 cm s-1); whereas, fast electrode kinetics 

represent a reversible one (typically k0 > 10-1 cm s-1). In between these two limits is 

known as a quasi-reversible system (typically 10-1 > k0 > 10-5 cm s-1). 

 

Noticeably, these voltammograms do not reach a steady state as seen in previous 

sections. This is due to the diffusion layer; in steady state systems it has a fixed size, 

whereas here it does not. The diffusion layer is constantly expanding as the scan 

progresses, hence, once the concentration of electroactive species at the electrode 

surface approaches zero, the current in turn will drop, creating a peak current 

maximum, seen in figures 2.15, 2.16 and 2.17. 
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Figure 2.15 – An example of a voltammogram collected for an electrochemically 

reversible electrode process performed versus a standard calomel reference 

electrode. Reproduced with permission from J D Wadhawan. 

 

In a reversible system, figure 2.15, the anodic peak, Ep, a, and cathodic peak, Ep, c, are 

based around the formal potential, Ef
0, of the A/B redox couple. 

 
𝐸𝑓
0 =

𝐸𝑝,𝑎 + 𝐸𝑝,𝑐

2
 

2.139  

This peak separation, Eps, is independent of the scan rate and can be used to elucidate 

the amount of electrons, n, transferred in a redox process. 

 
𝐸𝑝𝑠 = 𝐸𝑝,𝑎 − 𝐸𝑝,𝑐 =

0.059

𝑛
 

2.140  

This tells us that a reversible one electron redox process should have a peak separation 

equal to ~59 mV. 

 

The rate at which you apply the potential sweep, or scan rate, , will lead to changes 

in the flux. Consequently, for a reversible system, a relationship between the peak 

current, Ip, and the scan rate is seen, known as the Randle-Sevcik equation. 

 
𝐼𝑝 = 2.69𝑥10

5 𝐴𝐷
1
2𝐶𝜈

1
2     (298 𝐾) 

2.141  

-20 -10 0 10 20

-0.4

-0.2

0.0

0.2

0.4

0.6

C
u
rr

en
t 

(d
im

en
si

o
n
le

ss
)

Potential (dimensionless) vs. SCE



88 

 

Where A is the electrode area, D is the diffusion coefficient, C is the bulk 

concentration and  represents the scan rate. We can see that the peak current is 

proportional to the concentration of species and the square root of the scan rate. 

 

Figure 2.16 – An example of a voltammogram collected for an electrochemically 

irreversible electrode process performed versus a standard calomel reference 

electrode. Reproduced with permission from J D Wadhawan. 

 

In comparison to reversible systems, irreversible systems, shown in figure 2.16, 

exhibit slow electron transfer. This produces characteristic peaks of reduced 

magnitude and increased separation away from the formal potential of the redox 

couple. An irreversible system will have no net flow of current at the accepted formal 

potential, instead it will require a large overpotential in either direction to afford an 

oxidation or reduction. The peak current, Ip, of an irreversible electrode process is 

given by a modified Randles – Sevcik equation, 

 
𝐼𝑝 = 2.99𝑥10

5𝛼
1
2𝐷

1
2𝐶𝐴𝜈

1
2     (298 𝐾) 

2.142  

in which  represents the transfer coefficient. The peak current can still be observed 

to be proportional to the square root of the scan rate as the process is still diffusion 

controlled. In the case of irreversible electrode processes, the peak separation varies 

with the change in scan rate, known to be approximately 30 mV per decade. 
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𝐸𝑝𝑠 =

59.4

𝛼
+ 𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡 

2.143  

A quasi reversible system, figure 2.17, will lie in between the two discussed limits of 

reversibility. The recorded current in the system is controlled by both charge transfer 

and mass transport, allowing the waveshapes to be altered significantly by changes in 

the scan rate. Quick scan rates will shift the waveshape to exhibit behaviour 

characteristically in line with an irreversible system; whereas, slow scan rates make 

the process appear much more reversible. 

 

Figure 2.17 – An example of a voltammogram collected for an electrochemically 

quasi-reversible electrode process performed versus a standard calomel reference 

electrode. Reproduced with permission from J D Wadhawan. 

 

2.4.3 Electrode mechanisms 

 

When a reaction occurs at an electrode surface, there are many different types of 

reaction mechanisms that can occur. To describe these different processes, 

traditionally the Test and Reinmuth29 notation is used; in which, an ‘E’ represents a 

heterogeneous electron transfer step and a ‘C’ represents a homogeneous (or chemical 

reaction) step.  
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2.4.3.1 The E electrode mechanism 

 

The E electrode mechanism is the most simple and refers to a single heterogeneous 

one-electron oxidation or reduction to form a stable radical cation or anion. A classic 

example of this electrode reaction is for the ferrocene|ferricinium redox couple. 

𝐹𝑒𝐶𝑝2 − 𝑒
− ⇌ 𝐹𝑒𝐶𝑝2

.+      (𝐸) 2.144 

 

2.4.3.2 The EC electrode mechanism 

 

In many cases an electron transfer will yield an unstable product, often a homogeneous 

chemical reaction will follow. In an EC-type reaction mechanism, the homogeneous 

chemical step will yield an electrochemically inactive product. 

𝐴 − 𝑒− ⇌ 𝐵      (𝐸) 2.145 

𝐵 → 𝐶      (𝐶) 2.146 

 

2.4.3.3 The ECE electrode mechanism 

 

The ECE type reaction follows a similar pattern to the EC reaction mechanism; 

whereby, a chemical step follows the first electron transfer step. In this scenario the 

product of the chemical transfer step is electrochemically active. 

𝐴 − 𝑒− ⇌ 𝐵      (𝐸) 2.147 

𝐵
𝑘1
→ 𝐶      (𝐶) 2.148 

𝐶 − 𝑒− ⇌ 𝑍      (𝐸) 2.149 

This mechanism can produce very different voltammetric responses depending on the 

rate constant, k1, the scan rate employed and the thermodynamics of the two redox 

couples. 

 

2.4.3.4 The DISP electrode mechanism 

 

The DISP mechanism is extremely similar to the ECE reaction mechanism. In fact, it 

is often extremely difficult to differentiate between the two experimentally. The key 

difference between the DISP and ECE type reaction mechanisms are in the second 

electron transfer step. In an ECE mechanism this occurs heterogeneously at the 
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electrode surface; whereas, in a DISP process this occurs homogeneously in the bulk 

solution through a disproportionation reaction. 

𝐴 − 𝑒− ⇌ 𝐵       2.150 

𝐵
𝑘1
→ 𝐶       2.151 

𝐵 + 𝐶 ⇌ 𝐴 + 𝑍      2.152 

There are two types of DISP reaction mechanisms, DISP1 and DISP2. The DISP1 

process has equation 2.151 as the rate determining step and DISP2 process has 

equation 2.152 as the rate determining step. 

 

2.4.3.5 The EC' electrode mechanism 

 

The EC' mechanism is one of the most extensively studied electron transfer  

pathways.30–32 Chapter 6 will concentrate on this electrode mechanism and therefore 

this section will go into much more detail than previously. It operates through and 

electron transfer step, equation 2.153, followed by a chemical reaction, equation 

2.154, where the chemical step is a catalytic process. It differentiates from an EC type 

mechanism through the product of the electron transfer step, B, reacting with a species, 

X, to regenerate the original species, A. In this way it acts as a feedback loop for the 

initial electron transfer step. 

 

𝐴 − 𝑒− ⇌ 𝐵      (𝐸) 2.153 

𝐵 + 𝑋
𝑘𝐸𝐶′
→  𝐴 + 𝑌     (𝐶′) 2.154 

 

In this scheme, the redox couple acts as the mediator and does not undergo any 

reaction with the analyte; it is only oxidised and reduced by it. This is best represented 

by comparing cyclic voltammograms obtained from an electrochemically reversible 

electrochemical reaction that follows and E mechanism and an electrochemical 

reaction coupled with a homogeneous chemical reaction, figure 2.18. 
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Figure 2.18 - Theoretical cyclic voltammograms obtained for an E and EC' type 

reaction. Reproduced from Ref. 30 with permission from The Royal Society of 

Chemistry.30 

 

The E type reaction (figure 2.18, black line), where there is no species X present, 

exhibits a single, electrochemically reversible oxidative peak and the corresponding 

reductive peak with no chemical reaction taking place. In the EC' type reaction (figure 

2.18, red line), where species X is present, the electron transfer step occurs first, hence 

the single oxidative peak corresponding to the conversion of A to B. Once B is formed 

in this system the chemical reaction step begins, where X acts as a catalyst and B is 

chemically converted back to A. This results in the reduced reductive current seen in 

figure 2.18. In this way the catalytic current that is measured is dependent on the 

concentration of species X in solution in addition to the rate constant, kEC'. 

 

The catalyst in this type of electron transfer mechanism can be looked at in terms of 

its essential reactivity parameters; turnover number (TON) and turnover frequency 

(TOF). The TON refers to the number of moles of substrate that a mole of catalyst can 

convert; whereas, the TOF refers to the number of turnovers per unit of time. In a 

system free from perturbation through side-phenomena the peak current, Ip
0, of the 

catalyst in the absence of substrate can be used to calibrate the catalytic response and 

therefore, variations in the TON, Ip/Ip
0, can be observed.33  
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The cyclic voltammetric response of an EC' type process is dependent on two 

parameters; the kinetic parameter, λ, and the excess factor, γ. 

 

 

𝜆 = (
𝑅𝑇

𝐹
)(
𝑘𝑒𝐶𝑋

0

𝜈
) 

2.155 

𝛾 =
𝐶𝐴
0

𝐶𝑋
0 

2.156 

 

 

In which, ke is the rate constant of outer sphere electron transfer, CX
0 is the bulk 

concentration of the catalyst, CA
0 is the concentration of the substrate, R is the molar 

gas constant, T is the temperature, F is Faraday's constant and ν is the scan rate. 

 

 

The cyclic voltammograms produced by an electrochemically reversible process 

where the electron transfer process at the electrode surface is fast and the diffusion 

coefficient is constant can be identified through a kinetic zone diagram, figure 

2.19.34,35  
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Figure 2.19 - A kinetic zone diagram and simulated waveforms for the EC' 

mechanism. The compass shows how catalysis moves between the different zones; 

where CP
0 is the initial concentration of the catalyst, CA

0 is the initial concentration of 

substrate, ν is the scan rate and kc is the rate constant for the electron transfer between 

the catalyst and substrate. Reprinted with permission from reference 34. Copyright 

(2014) American Chemical Society. 

 

In this scheme there are seven scenarios that can occur in an EC' mechanism. The most 

simple is if the D zone where no catalysis occurs. In this region the cyclic voltammetry 

of the electrochemically reversible redox couple is observed.  

 

The KS zone is where there are pure kinetic conditions, no substrate is consumed and 

the waveshape tends to sigmoidal behaviour. In this situation the substrate 

concentration present at the electrode surface is equal to that of the bulk solution and 

the forward and reverse scans trace each other.  
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Zone K, is characterised by a peak shaped forward scan, the reverse scan not tracing 

the forward and no reverse redox wave being observed. This is caused by competition 

between the consumption of the substrate via the rate determining step and the 

diffusion of the substrate to the electrode surface. There is no reverse redox process 

observed due to the catalytic turnover despite substrate depletion.  

 

The zone marked KT2 is characteristic of total catalysis. This is where the catalyst 

immediately consumes all of the substrate accessible during the timescale imposed. 

This happens so quickly that two peaks are observed; the first corresponding to the 

substrate diffusion and the second corresponding to catalyst seen in zone D. The 

system can move from KT2 to KT1 if there is an increase in the excess factor. This 

will cause the electrochemically reversible redox wave to become buried beneath the 

catalytic current wave.34  

 

Zone KD refers to the case where there is no substrate consumption. It is similar to 

that of zone KS, but does not form the perfect sigmoidal shaped wave. This is due to 

a reduction in the kinetic parameter, λ. Catalysts will move to this zone from KS if the 

catalytic rate constants are slower; or the scan rate is increased.   

 

Finally, zone KG and KG* are similar to KT2, whereby, they are limited by the 

diffusion of the catalyst to the electrode surface. Catalysts can move from KT2 to these 

zones by increasing the scan rate or by having slower catalytic rate constants.  

 

The first thing to do is to observe the ferrocenemethanol | ferriciniummethanol redox 

couple, the D zone, in aqueous conditions using cyclic voltammetry. Following this 

we will add tiopronin to the system to observe any changes in the cyclic voltammetric 

response. 

 

2.4.4 Microelectrodes 

 

Microelectrodes, as the name suggests, have characteristic dimensions on the 

micrometre scale (< 25 µm). They vary greatly from macro electrodes, which favour 

their use for the study of fast electrochemical processes. Due to these fast processes it 



96 

 

is possible to undertake experimental work in highly resistive organic solvents such 

as benzene and hexane.1 In addition to this, they have a reduced capacitance, C, and 

consequently a faster time constant than macro electrodes. This in turn, has an 

influence on the scan rates,, that are viable to use in experimental procedures as the 

charging current, Icc, can obscure the faradaic process under investigation. 

 𝐼𝑐𝑐 = 𝐶𝜈 2.157  

There is also a reduction in ohmic loss (iR) for microelectrodes at steady state,  

𝑟0.
1

𝑟0
∝ 1 

2.158  

 

where r0 is the electrode radius. This is advantageous as it allows for systems to only 

use two electrodes instead of the three always required by a macro electrode set up as 

the combined potential of the counter and reference electrodes is on the nanoampere 

scale, making it highly unlikely to cause a significant difference. Microelectrodes also 

possess a greater signal, ic, to noise, icap, ratio compared to macro electrodes. 

𝑖𝑐
𝑖𝑐𝑎𝑝

∝
𝑟0

𝜋𝑟0
2 

2.159  

Therefore, a reduced electrode area results in a larger ratio. Microelectrodes facilitate 

the investigation of fast electrode kinetics due to their non-planar diffusion. This can 

be observed in terms of spherical/ hemispherical or microdisc frameworks. 

 

At a microdisc electrode, the scenario is challenging as the electrode is not uniformly 

accessible. We look at Fick’s second law with regards to a cylinder. 

 𝜕𝑐

𝜕𝑡
= 𝐷

𝜕2𝑐

𝜕𝑟2
+
𝐷

𝑟

𝜕𝑐

𝜕𝑟
+ 𝐷

𝜕2𝑐

𝜕𝑧2
 

2.160  

In which, D is the diffusion coefficient, r is the radius from the centre of the disc 

electrode and z is the perpendicular distance from the electrode surface. This was 

solved, with approximations, by Shoup and Szabo for the following boundary 

conditions.36 

 𝑡 < 0, 𝑎𝑙𝑙 𝑟, 𝑧, 𝐶 = 𝐶∗ 

𝑡 ≥ 0, 𝑧 = 0, 𝑟 < 𝑟𝑒 , 𝐶 = 0 

𝑡 ≥ 0, 𝑧 → ∞, 𝑎𝑙𝑙 𝑟, 𝐶 = 𝐶∗ 

𝑡 ≥ 0, 𝑟 → ∞, 𝑎𝑙𝑙 𝑧, 𝐶 = 𝐶∗ 

2.161  
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The diffusion layer thickness expands, increasing its surface area. This introduces 

more electroactive species to maintain the concentration gradient and therefore feeds 

the electrode with more reagent. This framework produces convergent diffusion which 

is approximate to a hemisphere, figure 2.20. A transient response is observed at long 

time limits which produces a steady state current response, I, 

 𝐼 = 4𝑛𝐹𝐶∗𝐷𝑟𝑒 2.162  

where n is the number of electrons associated, F is Faraday’s constant and re is the 

electrode radius. With a corresponding flux, 

 
𝑗 =

2

𝜋

𝐶∗𝐷

√𝑟𝑒2 − 𝑟2
 

2.163  

this implies an infinite flux at the disc edges, in reality this is limited by the kinetics. 

The steady state current however is dominated by that flowing at the edge of the disc. 

At shorter timescales, the diffusion is not convergent but effectively planar with a thin 

diffusion layer atop the electrode surface, figure 2.20. The timescale upon which case 

happens is a balance between a Cotrellian term and a steady state term, resulting in a 

scenario where there smaller the electrode area, the shorter the experimental times 

required to reach a steady state. This steady state framework means that current does 

not decay to zero as predicted by the Cottrell equation but rather reaches a maximum 

and maintains it. 

 

Figure 2.20 – Pictorial representation of the difference in diffusion to an electrode 

depending on its size. Macro electrodes are dominated by planar diffusion whereas, 

microelectrodes trend towards convergent diffusion. 

 

If we consider cyclic voltammetry corresponding to a simple oxidation. 

 𝐴 − 𝑒− ⇌ 𝐵 2.164  

 

 

 

Planar Convergent



98 

 

Two diffusion equations must be solved, 

 

 𝜕[𝐴]

𝜕𝑡
= 𝐷𝐴 (

𝜕2[𝐴]

𝜕𝑟2
+
1

𝑟

𝜕[𝐴]

𝜕𝑟
+
𝜕2[𝐴]

𝜕𝑧2
) 

2.165  

 𝜕[𝐵]

𝜕𝑡
= 𝐷𝐵 (

𝜕2[𝐵]

𝜕𝑟2
+
1

𝑟

𝜕[𝐵]

𝜕𝑟
+
𝜕2[𝐵]

𝜕𝑧2
) 

2.166  

 

in alignment with the following boundary conditions, 

 

 0 < 𝑡 < 𝑡𝑠𝑤𝑖𝑡𝑐ℎ, 𝐸 = 𝐸1 + 𝜈𝑡 

𝑡𝑠𝑤𝑖𝑡𝑐ℎ < 𝑡, 𝐸 = 𝐸1 + 𝜈𝑡𝑠𝑤𝑖𝑡𝑐ℎ − 𝜈(𝑡 − 𝑡𝑠𝑤𝑖𝑡𝑐ℎ) 

𝑡𝑠𝑤𝑖𝑡𝑐ℎ < 𝑡,= 𝐸1 + 2𝜈𝑡𝑠𝑤𝑖𝑡𝑐ℎ − 𝜈𝑡 

2.167  

 

which describe the triangular potential sweep that is applied to the working electrode 

in the system. 

 

 
𝑎𝑙𝑙 𝑡, 𝑧 = 0, 0 < 𝑟 < 𝑟𝑒 , 𝐷𝐴

𝜕[𝐴]

𝜕𝑡
= −𝐷𝐵

𝜕[𝐵]

𝜕𝑡
 

= 𝑘𝑎[𝐴]0 − 𝑘𝑐[𝐵]0 

2.168  

 

That describe the rate of interfacial reaction, governed by Butler-Volmer kinetics, 

alongside the loss of A and generation of B at the electrode surface. 

 

 𝑡 ≤ 0, 𝑎𝑙𝑙 𝑟, 𝑎𝑙𝑙 𝑧, [𝐴] = [𝐴]𝑏𝑢𝑙𝑙𝑘, [𝐵] = 0 

𝑎𝑙𝑙 𝑡, 𝑟, 𝑧 → ∞, [𝐴] = [𝐴]𝑏𝑢𝑙𝑙𝑘, [𝐵] = 0 

2.169  

 

Which describe the initial concentrations of species. 

 

It is observed in cyclic voltammetry that large microelectrodes can produce similar 

wave shapes to planar macro electrodes. Smaller microelectrodes tend towards a 

sigmoidal plot, figure 2.21. 
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Figure 2.21 – An example of the sigmoidal shape expected in a voltammogram when 

a smaller microelectrode is used for voltammetry. 

 

If the time required to reach steady state is small in comparison to the time taken for 

the acquisition of the voltammogram this steady state behaviour will be seen.  

 𝑟𝑒
2

𝐷
≪
𝑅𝑇

𝐹𝜈
 

2.170  

 

Hence, if we introduce a new parameter, P, we can predict the voltammogram 

behaviour. 

 

𝑃 = √
𝐹𝑟𝑒2𝜈

𝑅𝑇𝐷
 

2.171 

When this parameter is below unity, steady state behaviour is expected above unity is 

referred to as the limit of cyclic voltammetry. In this framework the peak current is, 

 
𝐼𝑃 = 4𝐹𝑟𝑒[𝐴]𝑏𝑢𝑙𝑘 [0.34𝑒

−0.66𝑃 + 0.66 − 0.13𝑒
−
11
𝑝 + 0.351𝑃] 

2.172  

With limits for steady state and the cyclic voltammetry limit respectively. 

 𝑃 → 0 =  𝐼𝑃 → 4𝐹𝑟𝑒[𝐴]𝑏𝑢𝑙𝑘 

𝑃 → ∞ = 𝐼𝑃 = 1.4𝐹𝑟𝑒[𝐴]𝑏𝑢𝑙𝑘𝑃 

2.173  
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If we run an experiment at a sufficiently low scan rate, we can analyse steady state 

behaviour. This can be used to elucidate information about the kinetics and requires 

the mass transport coefficient to be large in comparison with the standard 

electrochemical rate constant. 

 
𝑚𝑇~

𝐷

𝑟𝑒
≫ 𝑘0 

2.174  

Oldham and Zoski37 produced work, which was built on by Aoki38 to summarize the 

shape of voltammograms when the species diffusion coefficients are of an equal value. 

 𝐼

𝐼𝑙𝑖𝑚
(1 + exp(±𝜍) =

𝜆

(𝜆 + (
2𝜆 + 12
𝜆 + 3𝜋

))

 
2.175  

in which, 

 
𝜍 =

𝐹

𝑅𝑇
(𝐸 − 𝐸𝑓

0) 
2.176  

 
𝜆 =

𝑘0𝑟𝑒
𝐷
(𝑒−𝛼𝜉 + 𝑒𝛽𝜉) 

2.177  

In addition to this, Mirkin and Bard39 produced a method of extracting kinetic data 

from quasi-reversible voltammograms, such as k0,  and 𝐸𝑓
0from the easily accessible 

experimental parameters of E1/4 and E3/4. 

 

2.4.5 Square wave voltammetry 

 

Square wave voltammetry initially originated from the Kalousek commutator and 

Barker’s square wave polarography, followed by important innovations by Barker and 

Jenkins in 1952.40 The waveform is comprised of a square wave superimposed of time, 

ts, on a staircase wave of the same time, ts, and height, ΔEs, figure 2.22. This produces 

a combined staircase and square wave with amplitude, ΔEp. In this system the currents 

present at the end (typically the last 280 s) of the forward, IF, and reverse, IB, waves 

are measured. These two readings are compiled, ΔI, as a function of this staircase 

potential to produce the overall square wave voltammograms as the primary result, 

figure 2.23. 

 

 ∆𝐼 = 𝐼𝐹 − 𝐼𝐵 2.178  
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This minimized the influence of capacitative currents to the system and allowed for 

the discrimination between current and faradaic current. 

 

 

Figure 2.22 – A pictorial representation of the square wave and staircase that 

superimpose to make the waveform used in square wave voltammetry. 

 

 

This technique is often chosen for analytical studies because of the high sensitivity of 

the system.1 The detection limit can be as low as 10-8 M, which is at least an order of 

magnitude better than similar pulse techniques, with short pulses and high scan rates; 

this gives a short experimental time. Additionally, only small amounts of electro-

active species are actually consumed in each scan, this leads to a much smaller 

probability of electrode blocking compared to other similar techniques. 
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Figure 2.23 – A representation of the three voltammograms obtained during a square 

wave experiment. The forward scan, IF, backward scan, IB, and the overall primary 

result, ΔI. 

 

2.4.6 Rotating disc voltammetry 

 

A rotating disc electrode is a type of hydrodynamic electrode. These work by 

increasing the transport of electroactive species to the electrode via forced convection; 

this creates a thin layer of solution next to the electrode where all concentration 

gradients occur and only diffusion occurs. Using hydrodynamic electrodes and forced 

convection leads to higher currents, as well as greater sensitivity and reproducibility. 

Typically, a rotating disc electrode is produced from an insulating sheath surrounding 

typical working electrode materials; for example platinum, gold and glassy carbon. 

When the electrode is rotated, typically with rotation speed 0 – 50 Hz, a regular 

laminar flow pattern is established in the vicinity. The electrode pulls solution 

vertically towards itself and then removes it, as shown in figure 2.24. 

E

I

IF

IB

ΔI
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Figure 2.24 - A schematic of the flow caused by the rotation of a disc working 

electrode.  

 

This laminar flow is maintained, for a rotating disc electrode, only if the Reynolds 

number, Re, does not exceed its critical value, ~ 2 x 103, 

 
𝑅𝑒 =

𝜔𝑟2

𝜈
 

2.179  

where ω is the rotation velocity (Hz), r is the rotating disc radius (m) and ν is the 

kinematic viscosity (m2 s-1). Exceeding this value of Reynolds number can lead to the 

laminar flow changing to transitional or turbulent flow, as shown in figure 2.25. 

 

Figure 2.25 - Schematics showing the variations between laminar, transitional and 

turbulent flow in hydrodynamic systems. 

 

The most integral parameter of the rotating disc electrode is the limiting current, IL, 

the equation for which differs between hydrodynamic electrodes, is given by the 

equation, 

 𝐼𝐿 = 1.554𝜋𝑟
2𝑛𝐹𝑐∞𝐷

2/3𝜈−1/6𝜔1/2 2.180  

where ω corresponds to the rotation velocity (Hz), ν is the kinematic viscosity (m2 s-

1), r is the electrode radius (m), c is the bulk concentration and D is the diffusion 

coefficient. The current in the system is directly proportional to the electrode area 

corresponding to a uniformly accessible area. In experimental practice the rotation 

Laminar Transitional Turbulent
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velocity of the electrode is varied and the limiting current recorded for each speed 

individually. From this data, the diffusion coefficient of the forced convection system 

can be calculated by utilising a Levich plot. This is a plot of the limiting current (A) 

versus the rotation speed (Hz).  

 

Using the research and electrochemical theory covered in the first two chapters of this 

work, we will aim to design and produce an online, low-cost, downhole 

electrochemical sensor for the determination of alkaline-earth metals in formation 

water. 
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3 Experimental Procedures 

 

This chapter outlines the key experimental methods utilised in this thesis; including 

details of the equipment required to carry out the experiments. In addition to this it 

notes all of the chemicals used throughout the work, detailing their purity and 

company of production. 

 

3.1 Electrochemical set up 

 

3.1.1 Potentiostat 

 

Electrochemical measurements throughout were performed on a Metrohm Autolab 

B.V. -Autolab type-III potentiostat, Netherlands. This was controlled by General 

Purpose Electrochemical System (GPES, Metrohm) software installed on a Viglen 

Genie desktop PC installed with Windows Vista™.  

 

3.1.2 Electrodes 

 

Electrochemical experiments were all performed using a standard three-electrode set 

up, unless otherwise stated, consisting of a working electrode, reference electrode and 

auxiliary (counter) electrode. These were connected to the potentiostat and placed in 

the solution under investigation inside a custom glass cell, figure 3.1.  
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Figure 3.1 - A pictorial representation of a typical three-electrode electrochemical 

system in a three-necked glass cell. Reproduced with permission from J D Wadhawan. 

 

3.1.2.1 Working Electrodes 

 

Multiple working electrodes were used in this thesis composing of two materials; 

glassy carbon and gold. Two glassy carbon working electrodes were used, a macro (3 

mm, BAS) and a micro (11 m, BAS). Five gold working electrodes were used, one 

macro (3 mm, BAS) and four micro (12.5 m, 25 m, 33m and 50 m). 

 

Before electrochemical experiments, working electrodes were polished using various 

grades of carburundum paper (P400, P1200, P2400, P4000, Presi, France) and then 

finished with alumina slurry (0.3 m, Presi, France) on a wetted polishing cloth. The 

microelectrode was dipped in 10 % nitric acid solution before being polished using 

the alumina slurry and polishing cloth. 
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Figure 3.2 – A schematic illustration of a glassy carbon or gold working electrode.1 

 

3.1.2.2 Reference Electrodes 

 

One standard silver | silver chloride (BAS) reference electrode was utilised for 

electrochemical measurements in aqueous media. Where this reference was not 

appropriate, a silver wire quasi reference was used. 

 

3.1.2.3 Auxiliary (counter) Electrodes  

 

A graphite auxiliary electrode was used throughout this work. 

 

3.1.3 Solution preparation 

 

Solutions were prepared at 298.15 ± 1 K (unless otherwise stated) and purged of 

oxygen prior to use with an inert gas; nitrogen or argon (BOC Gases, UK). Solutions 

under electrochemical investigation were placed inside a Faraday cage to reduce 

interference from the surroundings. 
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3.2 Chemicals 

3.2.1 Chemical Compounds 

Table 3.1 – A table of the chemical compounds used in this thesis; alongside their 

purities (if known) and the supplier from which they were obtained. 

Name (Formula) Purity / % Supplier 

Chlorquinaldol (C10H7Cl2NO) 

Broquinaldol (C10H7Br2NO) 

Tetrabutylammonium perchlorate 

(C16H36ClNO4) 

Tetrabutylammonium chloride (C16H36ClN) 

Tetrabutylammonium nitrate (C16H36N2O3) 

Ferrocene (C10H10Fe) 

Hydroxymethyl ferrocene (C11H12FeO) 

Tiopronin (C5H9NO3S) 

Boric acid (H3BO3) 

Ammonium chloride (NH4Cl) 

Potassium chloride (KCl) 

Potassium hydroxide (KOH) 

Disodium rhodizonate (C6Na2O6) 

Sodium chloride (NaCl) 

Magnesium nitrate hexahydrate 

(Mg(NO3)2.6H2O) 

Calcium nitrate tetrahydrate (Ca(NO3)2.4H2O) 

Strontium nitrate (Sr(NO3)2) 

Barium nitrate (Ba(NO3)2) 

Lanthanum nitrate (La(NO3)3) 

Silver nitrate (AgNO3) 

Potassium nitrate (KNO3) 

Magnesium chloride hexahydrate 

(MgCl2.6H2O) 

Calcium chloride (CaCl2) 

Strontium chloride (SrCl2) 

Barium chloride dihydrate (BaCl2.2H2O) 

98 

- 

 99.0 

 97.0 

98 

97 

> 95 

> 96.0 

100.04 

99.89 

99.5 

86.8 

> 90.0 

 99.5 

98.0 - 

102.0 

 

99 - 103 

 99.0 

 99.0 

 99 

99.9 

99.5 

99 - 102 

 

- 

99 

> 99 

Sigma Aldrich 

Schlumberger 

Sigma Aldrich 

Sigma Aldrich 

Sigma Aldrich 

Avocado Research 

TCI 

TCI 

Fisher Scientific 

Fisher Scientific 

Fisher Scientific 

Fisher Scientific 

TCI 

Fisher Scientific 

Sigma Aldrich 

Sigma Aldrich 

 

Sigma Aldrich 

Sigma Aldrich 

Fluka 

Hopkin & 

Williams 

Fisher Scientific 

BDH - AnalaR 

 

Prime Chemicals 

BDH - AnalaR 

Fluka 
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3.2.2 Solvents 

 

Table 3.2 – A table containing the solvents used throughout this thesis; alongside 

their purities (if known) and the supplier from which they were purchased. 

Name (Formula) Purity / % Supplier 

Acetonitrile (C2H3N) 

Dimethyl sulfoxide (C2H6OS) 

> 99 

99 + 

Fischer Scientific UK 

Alfa Aesar 

Water (H2O) 

Nitric Acid (HNO3) 

Hydrochloric Acid (HCl) 

- 

70 

- 

ElgaStat 

Fischer Scientific UK 

Fischer Scientific UK 

 

3.3 Ferrocene sublimation 

 

Electrochemical investigation of ferrocene occasionally produced a split peak due to 

impurities in the ferrocene used. To overcome this, the ferrocene was purified via 

sublimation on a hotplate (Stuart heat-stir CB162) at 100 C in a crystallising dish, 

figure 3.2. The purified ferrocene crystals were collected from the lid of the dish and 

used accordingly. 

Figure 3.2 - Experimental set up for the purification of ferrocene via sublimation. 

 

3.4 Solution pH alteration 

The pH of solutions was determined using Hydrus 300 pH meter (Fisher, UK) 

connected to a pH probe (Jenway). Solutions were placed in a beaker on a magnetic 

stirrer plate (stuart heat-stir CB162). They were adjusted to the desired pH using either 

hydrochloric acid (Fisher, UK) or potassium hydroxide (Fisher, UK). 
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3.5 Rotating Disc Electrode 

 

A glassy carbon electrode (3 mm, BAS) was utilised in conjunction with an external 

motor (Metrohm). Linear sweep voltammetry (ν = 5 mV s-1) was then performed with 

this working electrode rotating at various frequencies (500 – 3000 rpm). The obtained 

limiting currents were used to produce a Levich plot to elucidate the diffusion 

coefficient of the system under investigation. 

 

3.6 Temperature Control 

 

A water bath and circulator (Grant – Type RI) was connected to a custom four-necked, 

two compartment, electrochemical cell. The water was heated to a specific 

temperature (± 0.1 K) and then circulated through the outer compartment to maintain 

the solution under investigation at the desired temperature. 

 

3.7 Interference Testing of Sodium Rhodizonate 

 

Sodium rhodizonate (4 mM) solutions were prepared with boric acid (0.1 M) and a 

specific concentration of either strontium nitrate (1 – 8 mM), calcium nitrate (20 – 200 

mM) or magnesium nitrate (4 – 80 mM). The solutions were then adjusted to pH 7. 

Sequential additions of barium nitrate stock solutions (10 mM and 100 mM) were then 

added and square wave voltammetry performed using a gold working electrode (3 mm, 

BAS), silver | silver chloride reference electrode (BAS) and graphite counter 

electrode. 

 

3.8 UV – Vis 

 

UV-Vis spectra were obtained using a Perkin Elmer Lambda Bio-10 UV-Vis 

spectrometer controlled by UV Winlab v.6.0.4 software. The solutions of known 

concentration were prepared and analysed spectrophotometrically over the 

wavelength range of 250 - 700 nm. This was performed using a quartz cuvette with a 

1 cm path length and 1 cm3 volume. 
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3.9 Ostwald Viscometer 

 

An Ostwald viscometer or U – tube viscometer, figure 3.3, is used to measure the 

viscosity of a liquid. It achieves this through measuring the time taken for a liquid to 

flow between the upper mark and the lower mark. The viscosities can then be 

calculated in regards to a reference liquid with a known viscosity at a specific 

temperature i.e. water at 298 K.  

 

Figure 3.3 - A pictorial representation of an Ostwald viscometer showing the two 

marks in which the solution movement is timed. 
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3.10 References 
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4 The unsuitability of ferrocene as an internal standard 

 

The desired application of this thesis is to produce a sensor capable of detecting 

alkaline-earth metal ions in down-hole aqueous environments. To achieve this, the 

primary focus will be on the sensing chemistry involved. Chapter 1 outlined some of 

the methods used to achieve the detection of alkaline-earth metals in other conditions. 

These processes primarily used the complexation of a ligand and the target ion as a 

means of detection. This thesis will seek to measure the complexation that occurs in a 

system through changes in the measured voltammetric peak potentials or currents. 

Chlorquinaldol will be the first molecule focussed on for the application of sensing 

chemistry. It is not soluble in aqueous conditions; consequently, either a non-aqueous 

solvent or a mixture of solvents is required. It is paramount that a reliable way to 

record redox potentials in non-aqueous environments is used. In solvents such as this 

an internal reference is commonly applied, in line with IUPAC reccomendations.1,2 

This chapter seeks to test the reliability of the recommended internal redox couple 

ferrocene | ferricinium for the measurement of potential shifts. 

 

4.1 Introduction 

 

A variety of reference electrodes are commercially available for use in aqueous 

solvents; such as the calomel, silver | silver chloride and standard hydrogen electrodes. 

These systems are not suitable for use in a non-aqueous environment.3 The search for 

a reliable way to study the electrochemical response of compounds in non-aqueous 

environments produced the internal standard, or reference redox system. The aim of 

internal standards was to produce a reversible stable, chemically and 

electrochemically, reliable and reproducible redox couple; against which to measure 

the electroactive redox couple of interest. One of the first proposed redox couples was 

based around rubidium; namely the Rb+ | Rb and Rb+ | Rb(Hg) couples.4 This was 

based on the assumption of the large ionic radius would negate any solvation effects, 

which was not the case. Later, a comprehensive collection of requirements that 

organometallic redox reference systems should adhere to was produced.5 
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The ferrocene | ferricinium redox couple, figure 4.1, is the archetypal internal standard 

for electrochemical systems and is IUPAC recommended alongside the 

bis(biphenyl)chromium(0) | bis(biphenyl)chromium(I) couple.1,2  

  

Figure 4.1 - The ferrocene | ferricinium redox couple. 

 

Ferrocene and its derivatives have been utilised in systems for the detection of anions 

and cations.6–8 They have been shown to detect the presence of Cu2+, Zn2+, Ca2+ and 

Mg2+ among others using a shift in the measured electrochemical peak potentials.9–17 

Much of the work using ferrocene concentrates solely on the peak potentials, ignoring 

variations in the measured peak current that occur; especially in the case of chloride 

ions.18–22 In addition, inconsistencies in the recorded potentials have been reported for 

the ferrocene redox couple when used to determine molecular orbital levels.23 This has 

been reported as a common problem in general electrochemical practice, especially in 

acetonitrile; whereby, the recorded potential values are subject to environmental 

factors.24  

 

This chapter looks to characterise the use of the ferrocene | ferricinium redox couple 

as an internal standard in an equimolar mixture of dimethyl sulfoxide and water. This 

will be accomplished by mixing various amounts of alkali and alkaline-earth metal 

chlorides to the solutions of ferrocene and observing any changes in the cyclic 

voltammetric response at macro and microelectrodes. 
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4.2 Results and discussion 

 

The cyclic voltammetric response of ferrocene (1 mM) with tetrabutylammonium 

perchlorate (TBAP, 0.1 M) in a dimethyl sulfoxide and water mix (80: 20) was probed 

using cyclic voltammetry at a glassy carbon electrode (3 mm) with a graphite auxiliary 

electrode and silver wire quasi-reference electrode. The ferrocene was sublimed prior 

to any experiments to purify it. The solutions in these experiments were not degassed 

prior to electrochemical measurements being taken. The cyclic voltammograms 

obtained at various scan rates (ν, 0.02 – 0.5 V s-1) are presented in figure 4.2. 

Figure 4.2 -  Cyclic voltammograms obtained for ferrocene (1 mM) with TBAP       

(0.1 M) in DMSO/H2O (80:20) at various scan rates (0.02 – 0.5 V s-1). Performed at a 

glassy carbon working electrode (3 mm, BASi), with a graphite counter electrode and 

silver wire quasi reference electrode at 293.15 ± 1 K. 

 

After the reduction peak in the voltammograms a small peak is observed. This is 

proposed to be due to the solution not being degassed prior to the experiment. It is 

expected to be the oxygen reacting with the formed ferricinium cation.25,26 
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A single oxidation and reduction peak were observed for the ferrocene | ferricinium 

redox couple with an Emid = 0.419 ± 0.004 V versus a Ag wire quasi reference 

electrode. The plot of peak potential against the log of the scan rate, figure 4.3 (left), 

shows stable oxidation and reduction peak potentials at low scan rates (< 100 mV/s). 

This has a  peak-to-peak separation of ΔE = 103 mV trending up to ΔE = 122 mV at 

500 mV/s indicating the electron transfer process is quasi - reversible in nature. The 

plot of peak current against the square of the scan rate, figure 4.3 (right), does not pass 

through the origin and is slightly curved indicating it is not a solely E process. 

Figure 4.3 - Plot of peak potential, Ep, versus the log of the scan rate (left) and peak 

current, Ip, versus the square root of the scan rate (right) for ferrocene (1 mM) with 

TBAP (0.1 M) in DMSO/H2O (80:20). Performed at a glassy carbon working electrode 

(3 mm, BASi), with a graphite counter electrode and silver wire quasi reference 

electrode at 293.15 ± 1 K. 

 

The Randles-Ševčík plot, figure 4.3 (right), allowed for the elucidation of the 

experimental diffusion coefficient, Dexp, for ferrocene in this medium.  Using the 

generated gradient through the origin a calculated Dexp of 2.3 ± 0.3 × 10-10 m2 s-1 was 

obtained; which is consistent with literature values.27 

 

The overall aim of this research is to produce a novel sensing method for alkaline-

earth metal cations found in formation water. In light of this, alkaline-earth metal 

chlorides were introduced into the system to observe the reliability of the reference 

redox system in the presence of these compounds. As ferrocene should not interact 

with these molecules, it was expected that no change in the voltammetric behaviour 

would be observed. 
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Sequential, exponential concentrations (1 μM – 10 mM) of alkaline-earth metal 

chlorides (MgCl2, CaCl2, SrCl2 and BaCl2) were added to solutions of ferrocene           

(1 mM) with TBAP (0.1 M) in DMSO/H2O (80:20). Cyclic voltammograms                   

(ν = 0.1 V s-1) obtained for each of these additions are presented in figure 4.4. A peak 

following the reduction peak on the reverse scan is still present due to the solutions 

not being degassed prior to electrochemical measurements. 

 

Figure 4.4 - Cyclic voltammograms (ν = 0.1 V s-1) obtained for the sequential addition 

of MgCl2 (top left), CaCl2 (top right), SrCl2 (bottom left) and BaCl2 (bottom right) to 

ferrocene (1 mM) with TBAP (0.1 M) in DMSO/H2O (80:20). Performed at a glassy 

carbon working electrode (3 mm, BASi), with a graphite counter electrode and silver 

wire quasi reference electrode at 293.15 ± 1 K. 
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In all cases the most notable change in the cyclic voltammograms is the large oxidative 

shift in both the oxidative and reductive peak potentials. Figure 4.5 exhibits that this 

change occurs after the solubility product of AgCl has been exceeded.28 It is proposed 

that this shift is a product of large potential drift and the formation of AgCl on the 

reference electrode surface. 

 

Figure 4.5 - Plots of the cyclic voltammetric (ν = 0.1 V s-1) oxidative peak potentials, 

Ep, against the log of the concentration of MgCl2 (top left), CaCl2 (top right), SrCl2 

(bottom left) and BaCl2 (bottom right) added to ferrocene (1 mM) with TBAP (0.1 M) 

in DMSO/H2O (80:20). Performed at a glassy carbon working electrode (3 mm, 

BASi), with a graphite counter electrode and silver wire quasi reference electrode at          

293.15 ± 1 K. 

 

To assess whether the shifts observed were a function of an interaction of the ferrocene 

or down to the quasi reference electrode, a similar experiment was run with a Ag | 

AgCl reference electrode in place (BAS). The same solution of ferrocene (1 mM) was 

prepared with TBAP (0.1 M) in equimolar DMSO / H2O with additions of BaCl2          

(1 - 500 mM). The cyclic voltammograms for this are presented in figure 4.6. 
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Figure 4.6 - Cyclic voltammograms (ν = 0.1 V s-1) obtained for the sequential addition 

BaCl2 (1 - 500 mM) to ferrocene (1 mM) with TBAP (0.1 M) in DMSO/H2O (80:20). 

Performed at a glassy carbon working electrode (3 mm, BASi), with a graphite counter 

electrode and Ag | AgCl reference electrode at 293.15 ± 1 K. 

 

It can be seen in figure 4.6 that the peak oxidative and reductive potentials remain 

constant at Emid = 0.410 ± 0.005 V versus an Ag | AgCl reference electrode. This is 

evidence that the shift in peak potentials observed previously is due to the Ag wire 

quasi-reference used. In figure 4.6, the peak oxidative current is of interest; as barium 

is added to the blank solution it remains constant between 1 - 10 mM. Once 100 mM 

is added to the solution there is a distinct increase in the peak oxidative current of         

1 ± 0.05 µA. Following this a large decrease in the peak oxidative current is observed 

at 500 mM BaCl2 to 5.56 ± 0.05 µA. 
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performed except replacing additions of BaCl2 with Ba(NO3)2. The cyclic 

voltammograms (ν = 0.1 V s-1) obtained in this scenario are presented in figure 4.7. 

Figure 4.7 - Cyclic voltammograms (ν = 0.1 V s-1) obtained for the sequential addition 

Ba(NO3)2 (1 - 500 mM) to ferrocene (1 mM) with TBAP (0.1 M) in DMSO/H2O 

(80:20). Performed at a glassy carbon working electrode (3 mm, BASi), with a 

graphite counter electrode and Ag | AgCl reference electrode at 293.15 ± 1 K. 

 

In figure 4.7, there is an oxidative shift in the peak potentials once barium is added to 

the system. Following this the peak potentials begin to shift reductively as the 

concentration of barium nitrate is increased. There is no increase in the measured peak 

currents. Instead there is a decrease in this parameter for every addition of barium 

nitrate, from 8.98 ± 0.05 µA at 1 mM barium nitrate to 6.97 ± 0.04 µA at 500 mM 

barium nitrate. 

 

If the cations were interacting with the solvent molecules through complexation, the 

consequential enhancement in solvent structure would be noticeable when observing 

the calculated experimental diffusion coefficients for each concentration. That is to 

say, if an enhanced solvent structure is being formed in the solution, diffusion of 

electroactive species from this bulk solution to the electrode surface should be reduced 
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as the pathway is increasingly hindered. The calculated diffusion coefficients for the 

ferrocene with each ion present at concentrations of 0.1 and 1 mM, concentrations 

directly in the linear portion of the oxidative shift, are presented in table 4.1. 

 

Table 4.1 - A table showing the variation in calculated experimental diffusion 

coefficient for ferrocene (1 mM) with TBAP (0.1 M) in DMSO/H2O (80:20) 

depending on which alkaline-earth metal cation is present and the concentration of it. 

Metal Ion Concentration / mM Dexp x 10-10 / m2 s-1 

None 0 2.1 ± 0.3 

Mg 0.1 2.0 ± 0.2 

Mg 1 2.1 ± 0.2 

Ca 0.1 1.9 ± 0.2 

Ca 1 1.9 ± 0.2 

Sr 0.1 2.0 ± 0.2 

Sr 1 2.0 ± 0.3 

Ba 0.1 2.0 ± 0.2 

Ba 1 2.0 ± 0.2 

 

The results of this clearly show no discernible alteration in the diffusion coefficient 

occurs, which would indicate no change in the solvent structure is occurring. The same 

experiments were repeated using a glassy carbon microelectrode (11 μm, BASi), as 

microelectrodes produce enhanced electrode kinetics. The data previously has shown 

that any shift in potential is due to the instability of the Ag pseudo reference electrode 

rather than any interactions with the scaling ions. Hence, for experimental ease an Ag 

wire was again used for the microelectrode studies. Cyclic voltammograms were 

recorded for the sequential addition of each alkaline-earth metal cation at a scan rate 

of 0.02 V s-1, figure 4.8; which was found to be slow enough to allow for steady state 

to be obtained.  

 

Much of the same trends can be seen in the cyclic voltammograms obtained at a 

microelectrode. There is a clear shift in E1/2 once concentrations in excess of 0.1 mM 

are introduced into the system. In addition to this, a well-defined decrease in the 

limiting current for 10 mM and 100 mM additions is present. This is important to note 

when using microelectrodes as the steady state limiting current is directly proportional 
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to the diffusion coefficient. Consequently, this reduction in experimental limiting 

current is indicative of the diffusion coefficient decreasing. This supports the 

hypothesis that the solvent system is becoming more structured, including the possible 

complexation of cations with the dimethyl sulfoxide; consequently, slowing down the 

rate at which electroactive species can diffuse from the bulk solution to the electrode 

surface. 

 

Figure 4.8. Cyclic voltammograms (ν = 0.02 V s-1) obtained for the sequential 

addition of MgCl2 (top left), CaCl2 (top right), SrCl2 (bottom left) and BaCl2 (bottom 

right) to ferrocene (1 mM) with TBAP (0.1 M) in DMSO/H2O (80:20). Performed at 

a glassy carbon working electrode (11 μm, BASi), with a graphite counter electrode 

and silver wire quasi reference electrode at 293.15 ± 1 K. 

 

There is clearly a decrease in the measured peak current at a glassy carbon 

macroelectrode and decrease in the limiting current for a glassy carbon microelectrode 

upon the addition of high concentrations of alkaline - earth metal chlorides.  
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The effect of potassium chloride on the cyclic voltammetric response of ferrocene at 

a macro and microelectrode was tested using the same sequential addition 

experimental procedure as above. The cyclic voltammetric (ν = 0.1 V s-1) response of 

ferrocene with the additions of KCl at a glassy carbon macro electrode are presented 

in figure 4.9. 

Figure 4.9 - Cyclic voltammograms (ν = 0.1 V s-1) obtained for the sequential addition 

KCl (1 - 500 mM) to ferrocene (1 mM) with TBAP (0.1 M) in DMSO/H2O (80:20). 

Performed at a glassy carbon working electrode (3 mm, BASi), with a graphite counter 

electrode and Ag | AgCl reference electrode at 293.15 ± 1 K. 

 

The peak potentials in this system shift oxidatively upon the first addition of KCl, but 

remains constant after that point at + 0.455 V. There is a small decrease (~ 0.75 µA) 

in the measured peak current but not as large as the one observed for the barium 

chloride additions.  

 

Figure 4.10 shows the cyclic voltammograms obtained for the addition of KCl to 

ferrocene at a glassy carbon microelectrode. 
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Figure 4.10 - Cyclic voltammograms (ν = 0.02 V s-1) obtained for the sequential 

addition of KCl (1 μM – 10 mM) to ferrocene (1 mM) with TBAP (0.1 M) in 

DMSO/H2O (80:20). Performed at a glassy carbon working electrode (11 μm, BASi), 

with a graphite counter electrode and silver wire quasi-reference electrode at         

293.15 ± 1 K. 

 

In this system it is evident that the decrease in the limiting current is smaller than that 

observed for the alkaline-earth metal chlorides. 

 

When the chloride compounds are added to the above solutions, it is proposed that, at 

high concentrations, the solution becomes more viscous, leading to a decrease in 

diffusion to the electrode surface. This increase in viscosity could be explained by the 

complexation of the cations to the solvent. The possible change in viscosity was 

observed using an Ostwald viscometer; whereby, solution with different amounts of 

cation added to them were tested and compared to a deionised water standard to 

produce a corrected viscosity reading. The results of these calculated viscosities are 

presented in figure 4.11. 
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Figure 4.11 - Plot of the calculated viscosity versus 1/T for solutions of ferrocene         

(1 mM) with TBAP (0.1 M) in DMSO/H2O (80:20) with additions of BaCl2.2H2O        

(1 mM and 0.1 M). 

 

The measured viscosities gave good agreement with literature values for similar mixed 

DMSO / H2O solvent systems.29–31 It can be seen that the data for the blank solution 

and the 1 mM solution are virtually identical, with the 0.1 M solution having a much 

larger viscosity. This shows good agreement with the electrochemical data obtained, 

whereby, the voltammograms for the concentrations below 0.1 M barium showed a 

consistent limiting current; with a large decrease observed for the 0.1 M data. This is 

strong evidence to suggest that the change in voltammograms limiting current was due 

largely to the increase in viscosity of the solution. This increase in viscosity would 

directly affect the diffusion coefficient of the solution making it more difficult for the 

ferrocene to diffuse from the bulk solution to the electrode surface. 

 

Evidence to this point suggests that the interaction between the ferricinium ion and 

chloride ion could be causing a DISP1 mechanism. A disproportion mechanism is a 

reversible or irreversible transition in which species with the same oxidation state 
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combine to yield one of a higher state and one of a lower state.32,33 It follows that the 

ferricinium cation will react with the chloride ions present approximately as in 

equations 4.2-4.5, where ferrocene is represented by Fc, and Cp represent a 

cyclopentadiene ring and the chloride ions are present in such excess that the reaction 

is pseudo first order.  

 

𝐹𝑐 − 𝑒− ⇌ 𝐹𝑐+ 4.2 

𝐹𝑒𝐶𝑝2
+ + 𝑛𝐶𝑙−

𝑠𝑙𝑜𝑤
→  𝐹𝑒𝐶𝑙𝑛

(3−𝑛)+
+ 2𝐶𝑝− 

4.3 

𝐶𝑝− + 𝐹𝑒𝐶𝑝+ → 𝐶𝑝 + 𝐹𝑒𝐶𝑝2 4.4 

2𝐶𝑝
𝑓𝑎𝑠𝑡
→  𝐶𝑝2 

4.5 

 

The observed decrease in limiting current is proposed to be an effect of the increased 

viscosity of the solution. To adjust for this, a line of best fit was produced for the 

viscosity results at 293.15 ± 1 K. From this plot the estimated viscosities of all 

solutions containing various amounts of BaCl2 were calculated, presented in table 4.2. 

 

Table 4.2 – A table with the viscosities of solutions of ferrocene (1 mM) with 

tetrabutylammonium perchlorate (TBAP, 0.1 M) in equimolar DMSO: H2O with 

various amounts of BaCl2.2H2O (1 μM – 1 M). Solutions measured using an Ostwald 

viscometer are presented in black, while estimated values are presented in red. 

[BaCl2]/M Viscosity/cP 

0 3.606 

1 x 10-6 3.606 

1 x 10-5 3.607 

1 x 10-4 3.608 

1 x 10-3 3.621 

1 x 10-2 3.702 

1 x 10-1 4.516 

5 x 10-1 8.136 

7.5 x 10-1 10.40 

1 12.66 
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To correct the measured limiting currents for the viscosity of the solution we introduce 

two terms, Napp and Neff. Napp is the measured limiting current of a solution normalised 

by the limiting current of the blank solution. 

𝑁𝑎𝑝𝑝 =
𝑖𝑙𝑖𝑚

𝑖𝑙𝑖𝑚
0  

4.6 

 

Neff is the viscosity of each solution normalised by the viscosity of the blank solution 

multiplied by Napp.  

𝑁𝑒𝑓𝑓 = 𝑁𝑎𝑝𝑝  ×
𝜂

𝜂0
 

4.7 

 

If the effect of viscosity is the driving force for the decrease in limiting current, then 

the calculated Neff value should be greater than unity. This is shown in figure 4.13, 

where the Neff value is plotted against the concentration of chloride ions present in the 

solution. 

 

Figure 4.13 - A plot of Neff versus the concentration of chloride ions ion solution for 

the addition of BaCl2, SrCl2 and KCl to a solution of ferrocene (1 mM) with TBAP    

(0.1 M) in DMSO/H2O (80:20). Performed at a glassy carbon working electrode           

(3 mm, BASi), with a graphite counter electrode and Ag | AgCl reference electrode at        

293.15 ± 1 K. 
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It can be seen that the calculated Neff values remain at approximately 1 for low 

concentrations of chloride ions (< 1 mM). At 10 and 100 mM KCl added there is a 

sharp rise in the calculated Neff. This is true for the addition of SrCl2 for above             

100 mM and BaCl2 above 500 mM. It is proposed that the degree of dissociation 

between the chloride ion and the counter positive ion has an effect on how early the 

Neff value rises. In the case of KCl the ions are completely dissociated; therefore, it is 

expected that the Neff value for this system rises earlier.  

 

The calculated Neff values in this plot allow for the elucidation of a dimensionless rate 

constant from a simulated curve for a DISP1 mechanism, figure 4.14. 

Figure 4.14 - A plot of Neff versus the log of the dimensionless rate constant for a 

DISP1 mechanism. Produced by J Wadhawan. 

 

By inputting the calculated Neff values from figure 4.13 into figure 4.14, the 

dimensionless rate constants for each system was produced. This dimensionless rate 

constant, K, can be used to calculate rate constants, k. 
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Therefore, using the diffusion coefficient calculated earlier (2.3 x 10-10 m2 s-1) the rate 

constants for each system can be calculated. The expected ratio of chloride ions to 

ferrocene molecules, n, can then be calculated from a gradient of the log of the rate 

constant versus the log of the chloride ions, figure 4.15. 

Figure 4.15 - A plot of the log of the rate constant versus the log of the concentration 

of chloride ions. 

 

From the gradients of each system the number of chloride ions, n, that interact with 

the ferrocene is 3 in the case of barium and 1 in the case of potassium and strontium. 

This shows that the ferrocene | ferricinium redox couple cannot be treated as a redox 

couple that is unaffected by its surroundings. When using ferrocene as an internal 

standard, care must be taken to account for all changes in the system. This includes 

the effect on the target redox couple and the reference redox couple. 
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4.3 Conclusions 

 

In this chapter we observed a large shift in the peak potential for the ferrocene | 

ferricinium redox couple. This was attributed to the Ag wire quasi reference electrode 

used in the experiment. It is proposed that this shift is down to either potential drift or 

the formation of silver chloride on the reference electrode surface.  

 

Additions of BaCl2 to the system at a macro electrode showed a small increase in the 

cyclic voltammetric peak current at 100 mM BaCl2. This was followed by a large 

decrease in the peak current. The decrease in current was seen at lower concentrations 

in the limiting currents measured at microelectrodes. This decrease was found to be a 

product of the increase in viscosity of the solution. As increased concentrations of 

alkaline-earth metal chlorides are added to the solutions the viscosity of the solution 

increases. The limiting currents measured can be corrected for this change in viscosity 

by calculating the Neff value. It was seen that for concentrations of KCl above 10 mM, 

SrCl2 above 100 mM and BaCl2 above 500 mM there was a large increase in Neff away 

from unity. These Neff values were used to produce dimensionless rate constants from 

a simulated fit of a DISP1 mechanism and then a rate constant for the process. Plotting 

these rate constants against the concentration of chloride in the system gave an 

indication of the amount of chloride ions interfering with the ferrocene in each case. 

In the systems where strontium and potassium chloride were added, it was found one 

chloride ion interferes with the ferrocene. In the case of barium it was found that three 

chloride ions interfere with the ferrocene. 

 

Overall this shows that the ferrocene | ferricinium redox couple can be used as an 

internal standard in this solvent mixture with this quasi-reference electrode; however 

the exact solution conditions must be considered. Any result obtained must be thought 

of in terms of the system, whereby each components effect on each other must be 

scrutinised. 
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5 Electrochemical characterisation of quinaldols and 

investigations into their use for sensing alkaline-earth 

metal cations 

 

In the previous chapter the reliability of the ferrocene | ferricinium redox couple was 

investigated for use as an internal standard for potentiometric detection of alkaline-

earth metals in non-aqueous environments and was found to be unsuitable in the 

presence of chloride ions. Given that sea water has ca. 35 % salinity, this ultimately 

precludes the use of ferrocene as an internal standard for potentiometric analysis. 

Accordingly, an alternative strategy must be sought. In this chapter two derivatives of 

8-hydroxyquinoline, chlorquinaldol and broquinaldol, will be investigated in regards 

to the detection of alkaline-earth metals through an amperometric route. These 

alterations in voltammetric response are expected to be the product of chelation 

between the ligands, L, and the metal ions, M, for the case of a one electron 

electroactive ligand. 

 

2𝐿 +𝑀2+ ⇌ 𝐿2𝑀
2+ 5.1 

𝐿 − 𝑒− ⇌ 𝐿.+ 5.2 

 

This can produce three possible scenarios. First, when only the un-coordinated ligand 

is electrochemically active, the coordination will result in a decrease in the peak 

current. If both the coordinated and un-coordinated ligand are electrochemically 

active; changes in both peak potential (due to alterations in the equilibrium) and in 

peak current (due to variations in the diffusion) will be observed. Last, a scenario can 

occur where no simple electrode reaction mechanism is present so that complicated 

voltammetry will occur. 

 

Clearly, it is important to characterise the cyclic voltammetric response of both 

chlorquinaldol and broquinaldol before progressing to the sensing applications. This 

begins with chlorquinaldol in acetonitrile and progresses to the same equimolar 

mixture of dimethyl sulfoxide and water used in the previous chapter. 
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5.1 Introduction 

 

Chlorquinaldol and broquinaldol, Figure 5.1, are derivatives of the extensively 

researched 8-hydroxyquinoline. 

Figure 5.1– The structure of (i) chlorquinaldol and (ii) broquinaldol. 

 
 

8-hydroxyquinoline has been widely used in analytical processes due to the complexes 

it forms with Cu2+ and Zn2+.1–3 In conjunction with this, it has been a vital ligand in 

the extraction and determination of metal ions.1,4–14 The electrochemical 

characteristics of this compound have been significantly researched at various 

working electrodes; including at glassy carbon electrodes15, carbon paste electrodes15, 

dropping mercury electrodes16 and multiwall carbon nanotube/Nafion.17 

 

 

The electro-oxidation of 8-hydroxyquinoline has been studied computationally, based 

on AM1 semi-empirical quantum chemical computations of the heats of formation of 

reaction intermediates, to explain the experimental observations under variations in 

pH when using a glassy carbon paste electrode.18 This work proposed various 

oxidative mechanisms depending on the pH of the solution, presented in figure 5.2, is 

the dual oxidation process attributing to the mechanism at neutral pH. 
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Figure 5.2 – Schematic of the double electron transfer step for the oxidation of              

8-hydroxyquinoline at neutral pH (5-9), proposed by Stevic et al.18 

 

It is reported that in a solution of approximately neutral pH, 5-9, 8-hydroxyquinoline 

is found, as presented in figure 5.2, neither protonated or deprotonated. A two-electron 

oxidation process is observed with cyclic voltammetry, with the first electron transfer 

step being attributed to the formation of the cation radical intermediate followed by a 

second oxidation step, including the protonation of the pyridine ring nitrogen and 

formation of the keto form of the phenol at the 8- position. It is later suggested that 

the 8-hydroxyquinoline molecules dimerize, in agreement with the Hammond 

postulate19, at the 5- position. 

 

Although uncharacterised electrochemically, chlorquinaldol and broquinaldol, shown 

in figure 4.1, are proposed to chelate with the alkaline-earth metal cations (Mg2+, Ca2+, 

Sr2+ and Ba2+) due to the relative similarities in size and charge between these cations 

and previously successful systems for other metals, like common derivative 

clioquinol, and hence characterization is necessary.20 

 

Structural differences between these derivatives and the parent compound include the 

presence of a methyl group substituted at the 2-position along with specified halogens 

at the 5- and 7-position. The presence of the halogens, specifically in these positions, 

is predicted to provide a site for possible immobilisation onto an electrode surface as 

well as steric effects to aid in the discrimination between various alkaline-earth metals 

in a single solution. The 5-position being occupied by a halogen should also block the 

suggested dimerization that occurs in the parent compound. Dimerization has however 

been shown in the solid state form for chlorquinaldol via hydrogen bonding between 

corresponding nitrogen and phenol moieties groups, shown in figure 5.3, yielding an 

inter-molecular 10-ring system.21 
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Figure 5.3 – A skeletal representation of the dimer found in the X-ray crystal structure 

of chlorquinaldol presented by Malecki et al.21 

 

In this chapter the electrochemical characteristics of the two mentioned systems will 

be probed with cyclic voltammetry and rotating disc electrode voltammetry. 

Following this, investigations will be carried out into the ability for these molecules 

to performed as an electrochemical sensor and if successful the mechanism into how 

this is achieved. 

 

5.2 Results and Discussion 

 

5.2.1 Electrochemistry of chlorquinaldol in acetonitrile  

 

Voltammograms were obtained for the cyclic voltammetry of chlorquinaldol (10 mM) 

in acetonitrile with tetrabutylammonium perchlorate (TBAP, 0.1 M) as the supporting 

electrolyte at scan rates in the range 0.02 – 0.5 V s-1, figure 5.4. Two oxidative waves 

are observed consecutively over the range 1.05 < E/V vs. Ag wire < 1.15 and                   

1.25 < E/V vs. Ag wire < 1.35, with higher scan rates noticeably shifting the peak 

potential oxidatively, figure 5.5. A single immediate reduction signal was observed 

for slower scan rates (0.02 and 0.05 V s-1) which disappeared with increasing scan 

rates. 
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Figure 5.4 - Cyclic voltammograms ( = 0.02, 0.05, 0.1, 0.2, 0.3 and 0.5 V s-1) for 

chlorquinaldol (10 mM) with TBAP (0.1 M) in acetonitrile; performed at a glassy 

carbon electrode (3 mm, BASi) with graphite counter and Ag wire reference at      

293.15 ± 1 K. 

 

Figure 5.5 – Plots of (left) peak potential vs. the log of the scan rate and (right) peak 

current vs. the square of the scan rate for both peaks, 1 and 2, for chlorquinaldol          

(10 mM) with TBAP (0.1 M) in acetonitrile. Performed at a glassy carbon electrode     

(3 mm, BAS) with graphite counter and Ag wire reference at 293.15 ± 1 K. 
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The peak current for both oxidative peaks is observed to increase with respect to the 

scan rate, illustrated in figure 5.5. The plots of peak current, I, vs. the square of the 

scan rate, , are slightly curved. The diffusion coefficients for each oxidised species 

present in the system can be calculated using the Randles-Ševčík equation and the 

linear fit through the origin. The diffusion coefficients for the two species were 

calculated, assuming that the number of electrons transferred, n, in each case is one, 

to be D1 = 4.9  10-10 m2 s-1 and D2 = 7.7  10-10 m2 s-1 respectively. 

 

 

A mechanism for the dual peak oxidation process is proposed in figure 5.6. It is very 

difficult to distinguish between DISP1 and ECE type processes, but it is proposed that 

an ECE type reaction occurs where the second step is slower than then first and the 

oxidative potential of the second electron transfer is greater than the first electron 

transfer. This follows a similar proposal by Stevic et al.18 for the parent                               

8-hydroxyquinoline molecule. 

 

 

The initial electron transfer process is attributed to the formation of the appropriate 

cation radical through the oxidation of the phenol group. Following this, it is proposed 

that the chemical step includes the loss of a hydrogen ion, allowing the radical to 

resonate around the fused ring structure. It is stabilized at the 2-position by the 

presence of the methyl group in addition to the resonance effects presented by the 

pyridine ring and lone pair from the nitrogen. In accordance with the Hammond 

postulate19, identifying regioselectivity as being governed by the stability of the 

transition states rather than the products, the second electron transfer process is 

attributed to the formation of the corresponding carbon cation at the 2-position. This 

is supported by the extra stability a carbocation would receive from tertiary carbons, 

resonance effects and lone pair availability. 
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Figure 5.6 – A proposed mechanism for the ECE type oxidation process of 

chlorquinaldol in acetonitrile at a glassy carbon macro electrode (3 mm, BASi). 

 

Further observations were made into the diffusion processes in the system using 

rotating disc voltammetry, figure 5.7. The same glassy carbon electrode was used in 

conjunction with an external motor to rotate the electrode at various frequencies       

(500 – 3000 rpm).  
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Figure 5.7 – A plot showing the current response of chlorquinaldol (10 mM) with 

TBAP (0.1 M) in acetonitrile against the applied potential at a various rotation speeds 

(500, 1000, 2000 and 3000 rpm), at a glassy carbon electrode (3 mm BAS) at                    

5 mV s-1 at 293.15 ± 1 K. 

 

The limiting current at each rotation speed can be obtained by finding the value at 

which, when an extended linear fit is applied, the final gradient of each scan deviates 

from the experimentally obtained scan. In conjunction with a Levich plot, figure 5.8, 

this information is used to elucidate a diffusion coefficient for the system, for n equal 

to one of 6.0 ± 0.3  10-10 m2 s-1 and n equal to 2 of 3.0 ± 0.1  10-10 m2 s-1, when 

controlled by mass transfer and n is the number of electrons transferred. The calculated 

diffusion coefficient from the Randles-Ševčík plot falls in the middle of these two 

values, indicating the process could be n equalling 1 + x; 0 ≤ x ≤ 1. 
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Figure 5.8 – A Levich plot of the limiting current for chlorquinaldol (10 mM) with 

TBAP (0.1 M) in acetonitrile. Performed at a glassy carbon electrode (3 mm, BAS) 

rotated at various speeds (500, 1000, 2000 and 3000 rpm) at 293.15 ± 1 K. 

 

This can be further investigated using the Wilke-Chang method for estimating the 

diffusion coefficient, D, for systems based on the association coefficient, αsv, the 

molecular weight, Msv, and the viscosity of the solvent, ηsv. 

 

𝐷 =
7.4 × 10−8 𝑇 √𝛼𝑠𝑣𝑀𝑠𝑣

𝜂𝑠𝑣𝑉𝑏
0.6  

5.3 

 

Where T is the absolute temperature and V is the molar volume. Many solvents do not 

have well-defined association coefficients; for acetonitrile it is estimated22 αsv =  1.48. 

Using this value the calculated D = 4.5 x 10-10 m2 s-1 with a 10 % error.24 This again 

falls between the calculated values from rotating disc voltammetry indicating that the 

process is between a one and two electron process.  
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Solubility of alkaline-earth metal chlorides is much higher in dimethyl sulfoxide than 

acetonitrile, however the voltammetric response in this solvent alone is poor. The 

addition of water, as well as increasing solubility further, increased the clarity of the 

voltammetry. A composition of equimolar DMSO/H2O was established based on 

observable precipitation of the electrolyte, tetrabutylammonium perchlorate (TBAP). 

The system was characterized without the presence of alkaline-earth metal ions to 

observe any variation in the electrochemistry in the different solvents.  

 

5.2.2 Voltammetry of chlorquinaldol in equimolar DMSO/H2O 

 

Voltammograms were obtained for the cyclic voltammetry of chlorquinaldol (1 mM) 

in equimolar DMSO/H2O with tetrabutylammonium perchlorate (TBAP, 0.1 M) as the 

supporting electrolyte at scan rates from 0.02 – 0.5 V s-1, figure 5.9. 

Figure 5.9 - Cyclic voltammograms ( = 0.02, 0.05, 0.1, 0.2, 0.3 and 0.5 V s-1) for 

chlorquinaldol (1 mM) with TBAP (0.1 M) in equimolar DMSO/H2O. Performed at a 

glassy carbon electrode (3 mm, BAS) with graphite counter and Ag wire reference at 

293.15 ± 1 K. 
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Most notably, in comparison to when acetonitrile was the solvent, a single oxidation 

peak is observed in DMSO at lower potential values, in the range                                             

+ 0.71 < E/V vs Ag wire < + 0.76. The higher scan rates noticeably shifting the peak 

potential to more oxidative values, figure 5.10 (left).  

 

As before, the plot of peak oxidative current against the square of the scan rate 

produces a slightly curved plot, figure 5.10 (right). Using the produced linear fit 

through the origin the diffusion coefficient was calculated using the Randles-Ševčík 

equation to be D = 5 ± 2  10-10 m2 s-1; which is in agreement with the values calculated 

earlier.  

Figure 5.10 - Plots of (left) peak potential versus the log of the scan rate and (right) 

peak current versus the square of the scan rate, for chlorquinaldol (1 mM) with TBAP 

(0.1 M) in equimolar DMSO/water. Performed at a glassy carbon electrode (3 mm, 

BAS) with graphite counter and Ag wire reference at 293.15 ± 1 K. 

 

The single observed oxidation peak is explained in the proposed mechanism, figure 

5.11, which is a disproportionation process. The same initial oxidation is suggested, 

whereby the electron transfer refers to the removal of an electron from the phenol to 

produce the corresponding cation radical. It is suggested that the second, chemical 

step, is the rate determining step (DISP1 mechanism); whereby, a hydrogen is expelled 

from the molecule and the remaining radical is able to resonate around the fused ring 

system, stabilizing in the 2-position. The difference between the DMSO and 

acetonitrile based systems is at this point, in acetonitrile there is a second oxidation; 

whereby, a second electron transfer step produces a carbocation in the 2-position. For 

DMSO, due to its composition, it is proposed that the radical extracts a hydrogen from 
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the solvent or the product of the first oxidation to produce the hydrogenated form 

presented. This stabilizes the product and therefore means the second oxidation step 

occurs in homogeneous solution rather than at the electrode surface. 

 

Figure 5.11 – A proposed mechanism for the DISP mechanism proposed for 

chlorquinaldol in an equimolar mixture of DMSO and water. 

 

The Randles-Ševčík plots observed throughout this chapter are curved in nature. This 

curved nature is also seen in a plot of the peak current measured at 0.1 V s-1 normalised 

by the square root of the concentration of chlorquinaldol in figure 5.12. 
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Figure 5.12 – Plot of the peak current, obtained from cyclic voltammetry                          

(ν = 0.1 V s-1), normalised by the square of the concentration versus the square of the 

concentration for chlorquinaldol (1 – 40 mM) with TBAP (0.1 M) in equimolar    

DMSO/ water. Performed at a glassy carbon electrode (3 mm, BAS), with a graphite 

counter and Ag wire reference at 293.15 ± 1 K. 

 

A linear fit is observed between 1 - 5 mM chlorquinaldol. After this point, there is a 

clear shift in gradient of the linear relationship away from the origin; the plot 

effectively bends towards a horizontal position. This is evidence to the fact something 

has altered in the way the chlorquinaldol molecules interact when the concentration is 

increased. This trend can indicate the possibility of aggregation in the system but also 

a change in the apparent diffusion coefficients with respect to the concentration of 

chlorquinaldol.  

 

By treating the curved Randles-Ševčík plots as a one electron process and varying the 

concentration of chlorquinaldol the change in calculated diffusion coefficient can be 

observed, figure 5.13. 
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Figure 5.13 – Plot of calculated diffusion coefficient versus the concentration of 

chlorquinaldol (1 - 40 mM) with TBAP (0.1 M) in equimolar DMSO/water. Performed 

at a glassy carbon electrode, with graphite counter and Ag wire reference at           

293.15 ± 1 K. 

 

This shows that the diffusion coefficient decreases as the concentration of 

chlorquinaldol increases. Using the diffusion coefficient from the smallest 

concentration measured, DC→0, the Neff value can be calculated. 
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5.4 

 

The results of this show that as the concentration of chlorquinaldol is increased, the 

diffusion coefficient decreases and the Neff value increases, as shown in table 5.1. 
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Table 5.1 – A table showing the diffusion coefficients and Neff values for 

chlorquinaldol in equimolar DMSO/H2O. 

[Chlorquinaldol]/ mM D x 10-10/ m2 s-1 Neff 

1.0 3.64 1 

2.5 2.12 1.31 

5.0 1.91 1.38 

10.0 1.55 1.53 

20.0 1.18 1.76 

30.0 1.00 1.91 

40.0 0.81 2.11 

 

 

This can be translated into rate constants in the same way as chapter 4, see plot         

4.14-4.15. These are presented in figure 5.14, where it can be seen that as the 

concentration of chlorquinaldol is increased the rate constant also increases. 

Figure 5.14 - A plot of the log of the rate constant versus the log of the concentration 

of chlorquinaldol (CQ) in equimolar DMSO/H2O. Numbers generated from a DISP1 

model for a macro electrode, created by J Wadhawan.  
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The gradient in this plot is ~ 2 which indicates the process is second order, not first 

order. This suggests that the second step is slow and the process is DISP2. It follows 

that since the proton transfer is usually fast. The deviations are probably due to the 

breakdown of the assumed DISP1 process.  

 

This shows how chlorquinaldol acts in equimolar DMSO/H2O, next the same analysis 

will be applied to broquinaldol, figure 5.1. The two derivatives will then be compared 

and applied to the detection of alkaline-earth metal ions.  

 

5.2.3 Voltammetry of broquinaldol in equimolar DMSO/H2O 

 

Broquinaldol is another derivative of the archetypal 8-hydroxyquinilone molecule, it 

is identical to chlorquinaldol in every way apart from the replacement of the chlorines 

in position 5- and 7- with bromines. Electrochemical characterization was carried out, 

figure 5.15, for broquinaldol (5 mM) in equimolar DMSO/H2O with TBAP (0.1 M) 

using cyclic voltammetry at scan rates from 0.02 – 0.5 V s-1.  

 

Similarly, to the chlorquinaldol system, a single oxidation peak is observed at                                           

+ 0.82 < E/V vs Ag wire < + 0.94. This is evidence towards to the broquinaldol being 

more difficult to oxidize than its chlorine counterpart which is not expected. The 

potential drift in the Ag wire quasi-reference electrode observed throughout chapter 4 

and 5 mean this cannot be taken as fact. The most striking variation between the two 

systems is the very clear definition of the first reverse peak for broquinaldol at                  

+ 0.28 < E/V vs Ag wire < +0.41. In the same way as chlorquinaldol, broquinaldol 

produces an oxidative peak potential that trend to higher values as the scan rate is 

increased, figure 5.16. 
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Figure 5.15 – Cyclic voltammograms ( = 0.02, 0.05, 0.1, 0.2, 0.3 and 0.5 V s-1) for 

broquinaldol (10 mM) with TBAP (0.1 M) in equimolar DMSO/H2O. Performed at a 

glassy carbon electrode (3 mm, BAS) with graphite counter and Ag wire reference at 

293.15 ± 1 K. 

Figure 5.16 - Plots of (left) peak current versus the square of the scan rate and (right) 

peak potential versus the log of the scan rate, for broquinaldol (10 mM) with TBAP   

(0.1 M) in DMSO: water (80: 20 %). Performed at a glassy carbon electrode (3 mm, 

BAS) with graphite counter and Ag wire reference at 293.15 ± 1 K. 
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This system, as with its derivative, is shown to produce a curved fit when plotting the 

peak current versus the square root of the scan rate. Utilizing the Randles-Ševčík 

equation, the diffusion coefficient for broquinaldol in this DMSO based system was 

calculated to be D = 1.3 ± 0.2  10-10 m2 s-1. This is smaller than that found for 

chlorquinaldol.  

 

 

 

Due to the distinct similarities between the electrochemical response of broquinaldol 

and chlorquinaldol, it is proposed that they follow the same mechanism. The first 

electron transfer step is proposed to be the oxidation of the phenol group to form the 

cation radical. This is followed by a chemical step whereby a hydrogen is lost from 

the molecule and the radical can resonate around the fused ring system, being 

stabilized in the 2-position by the combination of methyl group, pyridine ring 

resonance and nitrogen lone pair. Finally, the second step of the DISP2 process occurs, 

where the electron transfer is in homogeneous solution rather than at the electrode 

surface.  

 

 

 

Further observations into the similarity between the chlorquinaldol and broquinaldol 

system presented evidence into aggregation for the broquinaldol in DMSO through a 

plot of peak current normalized by the square of the concentration versus the square 

of the concentration of broquinaldol, figure 5.17. 
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Figure 5.17 - Plot of the peak current, obtained from cyclic voltammetry                          

(ν = 0.1 V s-1), normalised by the square of the concentration versus the square of the 

concentration for broquinaldol (1 – 30 mM) with TBAP (0.1 M) in equimolar 

DMSO/water. Performed at a glassy carbon electrode (3 mm, BAS), with a graphite 

counter and Ag wire at      293.15 ± 1 K. 

 

In the same way as above, figure 5.12, the plot of the normalised peak current, figure 

5.17, is curved in nature. This can be indicative of aggregation within a system or a 

change in the diffusion coefficient. The diffusion coefficients can be calculated from 

the curved R-S plots, as above, assuming a one electron process. 

 

The change in the diffusion coefficients for these concentrations of broquinaldol are 

presented in figure 5.18. As seen in the chlorquinaldol system, figure 5.13, the 

diffusion coefficient for broquinaldol in equimolar DMSO/H2O decreases as the 

concentration of broquinaldol is increased. 
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Figure 5.18 - Plot of calculated diffusion coefficient versus the concentration of 

broquinaldol (1 - 30 mM) with TBAP (0.1 M) in equimolar DMSO/water. Performed 

at a glassy carbon electrode, with graphite counter and Ag wire reference at            

293.15 ± 1 K. 

 

The values of the diffusion coefficients can be used to calculate the Neff values as in 

equation 5.4. The values for this are presented in table 5.2. 

 

Table 5.2 - A table showing the diffusion coefficients and Neff values for broquinaldol 

in equimolar DMSO/H2O. 

[Chlorquinaldol]/ mM D x 10-10/ m2 s-1 Neff 

1.0 1.95 1.00 

2.5 1.66 1.08 

5.0 1.38 1.19 

10.0 1.00 1.40 

20.0 0.56 1.86 

30.0 0.26 4.79 
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Again, this shows that the Neff value increases as the concentration of broquinaldol 

increases. This can be used to work out the rate constant as in chapter 4. Figure 5.19 

shows that the rate constant increases as the concentration of broquinaldol 

concentration increases. As with chlorquinaldol, the gradient of this plot is ~ 2 

indicating that broquinaldol also follows a DISP2 process. 

Figure 5.19 - A plot of the log of the rate constant versus the log of the concentration 

of broquinaldol (BQ) in equimolar DMSO/H2O. Numbers generated from a DISP1 

model for a macro electrode, created by J Wadhawan. 

 

This shows how broquinaldol acts in equimolar DMSO/H2O. The two derivatives will 

now be compared and applied to the detection of alkaline-earth metal ions in 

equimolar DMSO/H2O. 

 

5.2.3 Effect of alkaline – earth metals on the voltammetry of chlorquinaldol and 

broquinaldol 

 

To observe the sensing capabilities of chlorquinaldol and broquinaldol in relation to 

the alkaline – earth metals, square wave voltammograms were obtained for sequential 

additions of BaCl2.2H2O (1, 2.5, 5 and 10 mM); presented in figure 5.20. 
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Figure 5.20 – Square wave voltammograms (f = 25 Hz) obtained for the sequential 

addition of BaCl2.2H2O (1, 2.5, 5 and 10 mM) to (left) chlorquinaldol (5 mM) and 

(right) broquinaldol (5 mM) with TBAP (0.1 M) in equimolar DMSO/water. 

Performed at a glassy carbon electrode, with graphite counter and Ag wire reference 

at 293.15 ± 1 K. 

 

Both molecules, chlorquinaldol and broquinaldol, exhibit an oxidative shift versus the 

Ag wire quasi-reference with increasing amounts of BaCl2.2H2O. The peak shapes 

produced for chlorquinaldol were much more pronounced. Both systems show an 

initial decrease in the peak current followed by an increase; this increase was much 

larger for broquinaldol. 

 

This experiment was expanded to look at a wider range of additions of BaCl2.2H2O     

(1 M – 0.1 M). In addition to this, the mixing time for sequential additions was 

probed, allowing for 5, 15 and 30 minutes of mixing before results were obtained. The 

results for these additions, to chlorquinaldol and broquinaldol, are presented in figure 

5.21. This response matches well to the shift in oxidative peak potential observed in 

the previous chapter for ferrocene. There is very small deviations in measured peak 

potentials for the same concentrations of barium chloride over time. This is evidence 

towards potential instability in the reference electrode caused by the addition of 

chloride ions to the system and not just the quasi-reference alone.  
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Figure 5.21 – Plots showing the shift in square wave (f = 25 Hz) peak potentials versus 

the log of the concentration of BaCl2.2H2O (1 M – 0.1 M), at varying mixing times, 

added to (left) chlorquinaldol (5 mM) and (right) broquinaldol (5 mM) with TBAP   

(0.1 M) in equimolar DMSO/water. Performed at a glassy carbon electrode, with 

graphite counter and Ag wire reference at 293.15 ± 1 K. 

 

To account for the viscosity changes over this large concentration range, the 

viscosities of the solutions are estimated from the previous chapter and presented in 

table 5.3. 

 

Table 5.3 – A table of the estimated viscosities for chlorquinaldol in equimolar 

DMSO/H2O with various concentrations of BaCl2.2H2O. 

[BaCl2.H2O]/M η/cP 

0.0 3.61 

1.0 x 10-7 3.61 

1.0 x 10-6 3.61 

1.0 x 10-5 3.61 

1.0 x 10-4 3.61 

1.0 x 10-3 3.62 

1.0 x 10-2 3.70 

1.0 x 10-1 4.52 

1.1 x 10-1 4.61 

1.5 x 10-1 4.97 

2.0 x 10-1 5.42 

 

-8 -6 -4 -2 0
0.7

0.8

0.9

1.0  5 min

 15 min

 30 min
E

p
/V

 v
s 

A
g
 W

ir
e

log([BaCl2.2H2O]/ M)

-8 -6 -4 -2 0

0.9

1.0

1.1

 5 min

 15 min

 30 min

E
p
/V

 v
s 

A
g
 W

ir
e

log([BaCl2.2H2O]/ M)



158 

 

Using the estimated viscosities for the solutions containing the various concentrations 

of BaCl2.2H2O the measured peak currents can be corrected. This produces the Neff 

value for each solution in the same way as the last chapter in equations 4.6 and 4.7. 

 

The Neff values for chlorquinaldol and broquinaldol in the presence of various 

concentrations of BaCl2.2H2O are shown in table 5.4 and figure 5.22. 

 

Table 5.4 – A table showing the calculated Neff values for chlorquinaldol (CQ) and 

broquinaldol (BQ) in solutions containing various amounts of BaCl2.2H2O                  

(0.1 μM – 0.2 M). 

[BaCl2.H2O]/M Neff (CQ) Neff (BQ) 

0.0 1.00 1.00 

1.0 x 10-7 0.89 0.96 

1.0 x 10-6 0.88 0.95 

1.0 x 10-5 0.84 0.90 

1.0 x 10-4 0.86 0.91 

1.0 x 10-3 0.89 0.93 

1.0 x 10-2 0.98 0.99 

1.0 x 10-1 1.38 1.21 

1.1 x 10-1 1.46 - 

1.5 x 10-1 1.62 - 

2.0 x 10-1 1.81 - 
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Figure 5.22 – A plot of Neff for chlorquinaldol and broquinaldol versus the 

concentration of BaCl2.2H2O in solution. 

 

 

 

It can be seen in figure 5.22 that the Neff values for both compounds are similar at low 

concentrations of BaCl2.2H2O (< 10 mM). Above this concentration there is a sharper 

increase in the Neff value for chlorquinaldol, suggesting that the chelating species 

(M2+) may promote the kinetics of the dimerisation. 

 

 

The same experiment was then undertaken on solely chlorquinaldol for the addition 

of other alkaline-earth metal chlorides, strontium and calcium. The shifts in the 

measure peak potentials are presented in figure 5.23. 
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Figure 5.23 – A plot showing all the peak potential shifts for chlorquinaldol (5 mM) 

with TBAP (0.1 M) in equimolar DMSO/H2O from the three studied scaling ions 

(Ca2+, Sr2+ and Ba2+, 0.1 M – 0.1 M) on one plot. Performed at a glassy carbon 

electrode, with graphite counter and Ag wire reference at 293.15 ± 1 K. 

 

 

Figure 5.23 shows that a similar trend is observed for all of the alkaline-earth metals. 

There is quite a bit of variation in the measure peak potentials at concentrations below 

0.1 mM which is attributed to potential drift from the quasi-reference electrode. In 

terms of the measure peak currents, the same procedure as in table 5.4 was followed 

and is presented in table 5.5 and figure 5.24. 
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Table 5.4 – A table showing the calculated Neff values for chlorquinaldol in solutions 

containing various amounts of BaCl2.2H2O, CaCl2 and SrCl2 (0.1 μM – 0.2 M). 

[BaCl2.H2O]/M Neff (Ba2+) Neff (Sr2+) Neff (Ca2+) 

0.0 1.00 1.00 1.00 

1.0 x 10-7 0.89 - 0.87 

1.0 x 10-6 0.88 0.91 0.83 

1.0 x 10-5 0.84 0.84 0.83 

1.0 x 10-4 0.86 0.82 0.83 

1.0 x 10-3 0.89 0.85 0.85 

1.0 x 10-2 0.98 0.94 0.95 

1.0 x 10-1 1.38 1.15 1.11 

1.1 x 10-1 1.46 -  

1.5 x 10-1 1.62 -  

2.0 x 10-1 1.81 -  

 

Figure 5.24 – A plot of Neff for chlorquinaldol versus the concentration of MCl2 in 

solution. 
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Figure 5.24 shows that for 0.1 M additions of all three alkaline-earth metal chlorides 

there is an increase in the calculated Neff value. This observed increase is greater in 

the case of barium indicating the chlorquinaldol is more sensitive to the addition of 

this alkaline-earth metal. Strontium and calcium produce a very similar response, with 

strontium giving a slightly stronger shift, Neff = 1.15 rather than 1.11 for calcium. 

 

The investigations presented in this chapter to this point shows that there is a potential 

shift for chlorquinaldol in an equimolar DMSO/H2O solution, similar to that seen for 

ferrocene in the previous chapter. There is also an increase in the Neff values for 

chlorquinaldol, as seen for ferrocene, but to a much larger extent. Next the two 

systems, ferrocene and chlorquinaldol, will be added to the same solution to see if any 

differences are observed when they are present in the same solution. 

 

5.2.4 Ferrocene as an internal standard 

 

The ferrocene | ferricinium redox couple is the archetypal internal standard used in 

electrochemical systems where the reference is found, or thought to be, unreliable. It 

was known to be suitable for the use in the system probed in this chapter due to the 

well-defined redox potentials. The chlorquinaldol oxidation peak was found to be at 

approximately + 0.75 V, with the oxidation of ferrocene typically around + 0.3 V. This 

meant there would be no overlap in the measured peak potentials, as shown in figure 

5.25. 

 

It is clear both peaks appear in the expected areas on the potential scale, with it being 

easy to identify each peak by comparing the excellent known reversibility of the 

ferrocene | ferricinium redox couple to the irreversibility of chlorquinaldol in this 

solvent composition. It is important to observe whether the addition of ferrocene had 

any impact on the chlorquinaldol. The measured peak currents, ip, can be compared 

using the reported diffusion coefficient of ferrocene of 4.4 x 10-10 m2 s-1.25 

𝑖𝑝 ∝ √𝐷. 𝐶0 5.5 
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Figure 5.25 - Cyclic voltammogram ( = 0.1 V s-1) for ferrocene (1 mM) and 

chlorquinaldol (1 mM) with TBAP (0.1 M) in equimolar DMSO/H2O. Performed at a 

glassy carbon electrode (3 mm, BASi) with graphite counter and Ag wire reference at 

293.15 ± 1 K. 

 

This produces a diffusion coefficient for chlorquinaldol of approximately                      

1.8 x 10-10 m2 s-1. This is not within experimental error of the diffusion coefficient 

calculated earlier of 5 ± 2 x 10-10 m2 s-1. This indicates that the ferrocene internal 

standard is having some effect on the chlorquinaldol redox couple. 

 

5.3 Conclusions 

 

The electrochemical response of chlorquinaldol was first studied in acetonitrile; it was 

found to be under diffusion control and exhibit two oxidative peaks, at + 1.05 < E/V 

vs Ag wire < + 1.15 and + 1.25 < E/V vs Ag wire < + 1.35 respectively, of a quasi 

reversible nature. The diffusion coefficient for each peak of chlorquinaldol in this 

system was found to be D1 = 4.9  10-10 m2 s-1 and D2 = 7.7  10-10 m2 s-1. This diffusion 

was investigated further using rotating disc voltammetry with diffusion coefficients 
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found to be D = 6.0 ± 0.3  10-10 m2 s-1 for an n = 1 framework and                                         

D = 3.0 ± 0.1  10-12 m2 s-1 for an n = 2 framework. This showed that the calculated 

diffusion coefficient for chlorquinaldol fell in the middle of a one and two electron 

system. This was confirmed through a Wilke-Chang calculation that gave                          

D = 4.5  10-10 m2 s-1. An ECE type mechanism was proposed for this system, figure 

5.6, in which the first electron transfer step removes an electron from the phenolate 

group. Following this a chemical step removed a hydrogen ion from the system and 

the radical resonates around the fused ring system before being stabilised in the              

2-position due to the effects of the methyl group, pyridine ring and lone pair on the 

nitrogen. The second electron transfer step is then the formation of the corresponding 

carbocation in this      2-position.  

 

The electrochemical characteristics of chlorquinaldol and broquinaldol were then 

investigated in a DMSO: H2O (80: 20 %) solvent composition. The electrochemistry 

was found to be under diffusion control; however, only one oxidation peak was found 

at + 0.71 < E/V vs Ag wire < + 0.76 and + 0.82 < E/V vs Ag wire < + 0.94 for 

chlorquinaldol and broquinaldol respectively, with a well-defined reverse peak at          

+ 0.28 < E/V vs Ag wire < +0.41 for only the broquinaldol. The diffusion coefficients 

for chlorquinaldol and broquinaldol in this DMSO: H2O framework were found to be   

D = 5 ± 2  10-10 m2 s-1 and D = 1.3 ± 0.2  10-10 m2 s-1 respectively. The mechanism 

proposed to explain the appearance of a single oxidation peak, figure 4.8, was identical 

to the acetonitrile system up until the end of the chemical step. At this point, it is 

proposed that a DISP1 mechanism is followed and the chlorquinaldol radical extracts 

a hydrogen from the chlorquinaldol cation radical to stabilize itself at the 2-position 

and reproduce chlorquinaldol.  

 

The change in the electrochemical response upon the introduction of alkaline-earth 

metal cations was probed. It was seen, through square wave voltammetry that an 

oxidative shift in peak potential occurred upon the sequential addition of BaCl2.2H2O 

that was stable over time for both chlorquinaldol and broquinaldol. Calculating Neff 

for the change in the peak current showed that at high concentrations of BaCl2.2H2O 

the Neff value increased well above unity once the concentration was raised above        

10 mM. This shift was found to be greater for chlorquinaldol than broquinaldol. In 
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addition to this, the Neff values were calculated for the addition of CaCl2 and SrCl2. 

Both cases exhibited a similar trend to BaCl2.2H2O in which the Neff value increased 

above unity when the concentration of MCl2 was above 10 mM. The largest increase 

in Neff was observed for BaCl2.2H2O, followed by SrCl2 and then CaCl2.  

 

Due to the use of a quasi reference electrode, preliminary tests using the             

ferrocene | ferricinium redox couple as an internal standard were performed. These 

showed that the ferrocene and chlorquinaldol electrochemical profiles did not appear 

to overlap, were at approximately their expected peak potentials and easily 

identifiable. Calculating the approximate diffusion coefficient of chlorquinaldol from 

the measured peak currents and known ferrocene diffusion coefficient showed that the 

chlorquinaldol diffusion coefficient did not statistically agree with the one calculated 

earlier. This indicated that the ferrocene could be interfering with the chlorquinaldol 

in some way. 

 

In this chapter, the voltammetric response of chlorquinaldol and broquinaldol was 

probed, alongside the effect alkaline – earth metal cations have on this response. An 

oxidative shift was observed similar to the one in the previous chapter for ferrocene. 

This is proposed to be due to the quasi-reference electrode. Due to the unreliable 

nature of the quasi-reference electrode observed in the two chapters so far, sensing 

chemistry in an aqueous environment will be investigated. This will allow for the use 

of a commercial Ag | AgCl reference electrode.  
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6 Characterisation of the ferrocenemethanol and thiol 

interaction through cyclic voltammetry and its 

application toward alkaline-earth metal ion detection 

 

In the previous chapter the possibility of using the chelation between chlorquinaldol 

and alkaline–earth metal ions was investigated. Due to the aqueous nature of the 

desired application of this work, the following chapter looks to assess the use of 

ferrocenemethanol (a more water soluble derivative of ferrocene). This will follow an 

amperometric route, utilising thiol containing compound (tiopronin) as a redox 

catalyst. In addition to characterising the interaction of tiopronin and 

ferrocenemethanol; the ability of the system to detect barium ions in aqueous solution 

will be probed. 

 

6.1 Introduction 

 

The IUPAC recommended redox couple ferrocene | ferricinium redox couple was 

explored in chapter 4.1,2 Ferrocenemethanol, figure 6.1, is a common, water soluble, 

derivative of ferrocene that exhibits a well-defined, chemically reversible,                   

one-electron electrochemical process.3 Previously, ferrocenemethanol (FcMeOH) has 

been utilised as a mediator in aqueous environments due to its fast heterogeneous and 

homogeneous electron transfer kinetics and stability in both the oxidised and reduced 

forms.4,5   

  

 

Figure 6.1 – Skeletal structure of ferrocenemethanol. 
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Tiopronin (α-mercaptopropionylglycine), figure 6.2, is a synthetic compound known 

to be a potent free radical scavenger.6 It is commonly utilised in the treatment of 

cystinuria.7–10 Patients affected by cystinuria excrete increased concentrations of 

cysteine in their urine, which increases the risk of kidney stone formation.11,12 

Tiopronin aids in reducing the concentration of cysteine through the free thiol group 

forming a more soluble disulphide complex.13  

 

Figure 6.2 – Skeletal structure of tiopronin. 

 

Tiopronin can act as a terdentate ligand above pH 12 through the deprotonation of the 

amide; below this pH, coordination occurs in a bidentate manner through the 

deprotonated thiol and carbonyl.14 The thiol group of tiopronin has a lower pKa 

(8.33)14 than many thiol containing molecules;15 due to the stabilisation effects 

afforded by the amide group.16 Tiopronin has been observed to form complexes with 

Ni2+, Co2+ and Cu2+ through the bidentate coordination mentioned above.14,17,18 It has 

been shown computationally that, under physiological conditions (pH 7.4), the most 

stable complexes of tiopronin with Cu2+ occur via coordination through the 

deprotonated thiol group in a square planar geometry.16 

 

Thiol determination via direct oxidation at a solid electrode is plagued by poor 

voltammetric behaviour, electrode fouling and the requirement for large 

overpotentials.19 As such, alternative methods have been investigated using 

electrochemical indicators,20 derivatization,21 enzymes22 and mediators. Mediators 

facilitate electron transfer in the system through shuttling electrons between the 

substrate and electrode. The thiol compound will be oxidised by the mediator; which 

is then regenerated at the electrode surface, figure 6.3. The oxidation current is 

therefore directly related to the thiol concentration.19  
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Figure 6.3 - A schematic representing the oxidation of a thiol via a mediator. The 

mediator is then regenerated at the electrode surface. 

 

This chapter investigates the relationship between ferrocenemethanol and tiopronin; 

and whether this combination can be manipulated for the detection of alkaline-earth 

metal ions. Ferrocene derivatives have been shown to follow an EC' mechanism in 

conjunction with the thiol containing L-cysteine.23 First the interaction between 

ferrocenemethanol and tiopronin will be probed via cyclic voltammetry to establish 

the occurrence of redox catalysis. Following this, barium nitrate will be added to the 

solutions and observed through cyclic voltammetry and square wave voltammetry. 

Barium nitrate is used as a barium source in place of barium chloride due to the effect 

chloride ions had on the ferrocene redox couple, explored in chapter 4. It is expected 

that the system containing ferrocenemethanol and tiopronin will follow the same 

mechanism as ferrocene derivatives and L-cysteine. Prior to results it is important to 

consider the electron transfer mechanism underpinning this chapter; the EC' 

mechanism, which is explained in detail in chapter 2. 

 

6.2 Results and Discussion 

6.2.1 Electrochemical characterisation 

 

The cyclic voltammetric response, figure 6.4, of unbuffered ferrocenemethanol         

(0.5 mM) was investigated at various scan rates (0.02 - 0.3 V s-1) in aqueous KCl      

(0.1 M) at glassy carbon electrode (3 mm, BAS) at 293.15 ± 1 K. The voltammetric 

response exhibited a single oxidation wave at + 0.22 V and the corresponding single 

reduction peak at + 0.14 V versus a silver | silver chloride reference electrode. This is 
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attributed to the ferrocenemethanol | ferriciniummethanol redox couple with                                         

Emid = 1/2(Ep
Ox + Ep

Red) = + 0.18 V. 

Figure 6.4 - Cyclic voltammograms for unbuffered ferrocenemethanol (0.5 mM) in 

water with KCl (0.1 M). Performed at a glassy carbon electrode (3 mm, BAS) with a 

graphite counter and Ag|AgCl (BAS) reference electrode at 293.15 ± 1 K. 

 

The peak potentials for the single electron oxidation and corresponding reduction are 

plotted against the decadic logarithm of the scan rate (ν), figure 6.5 (left). The minimal 

deviation in peak potentials (< 4 mV) indicates an electrochemically reversible 

process; however, the peak-to-peak separation is greater than 59 mV,                                

ΔE = 76.6 ± 3 mV. This could be explained by a variation in the diffusion coefficients 

between the oxidised and reduced forms, which has been shown to change by a factor 

of 3 for the ferrocene | ferricinium redox couple.24 The peak current was found to be 

linear with the square root of the scan rate, figure 6.5 (right). This indicates that both 

the oxidation and reduction processes are of a diffusion-controlled nature. The ratio of 

anodic peak current to cathodic peak current, Ip
a/Ip

c = 1.06 ± 0.07, being almost unity 

is more evidence of an almost electrochemically reversible system. The plot of peak 

current versus the square of the scan rate allowed for the elucidation of the diffusion 

coefficient via the Randle-Sevcik equation, DFcMeOH = 8.21 ± 1 x 10-6 cm2 s-1; which 

is in good agreement with literature.25 
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Figure 6.5 - Plot of oxidative and reductive peak potential, Ep, versus the log of the 

scan rate (left) and peak current, Ip, versus the square root of the scan rate (right) for 

ferrocenemethanol (0.5 mM) in aqueous KCl (0.1 M). Performed at a glassy carbon 

working electrode (3 mm, BASi), with a graphite counter electrode and Ag|AgCl 

reference electrode (BAS) at 293.15 ± 1 K. 

 

 

The effect that tiopronin (0.5 - 16 mM) has on the ferrocenemethanol | 

ferriciniummethanol (0.5 mM) redox couple was investigated via cyclic voltammetry. 

The voltammograms obtained for the systems containing 4 mM and 16 mM tiopronin 

are presented in figures 6.6 and 6.7 respectively. There are trends present in how the 

voltammograms obtained change in regards to both the peak potentials, Ep, peak 

currents, Ip, and the waveshapes. These changes in the waveshape indicate a change 

in electron transfer mechanism of the ferrocenemethanol | ferriciniummethanol redox 

couple from an E process. 
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Figure 6.6 - Cyclic voltammograms (ν = 0.02 – 0.3 V s-1) for unbuffered 

ferrocenemethanol (0.5 mM) in aqueous KCl (0.1 M) with tiopronin (4 mM). 

Performed at a glassy carbon electrode (3 mm, BAS) with a graphite counter and 

Ag|AgCl (BAS) reference electrode at 293.15 ± 1 K. 

 

Figure 6.7 - Cyclic voltammograms (ν = 0.02 – 0.3 V s-1) for unbuffered 

ferrocenemethanol (0.5 mM) in aqueous KCl (0.1 M) with tiopronin (16 mM). 

Performed at a glassy carbon electrode (3 mm, BAS) with a graphite counter and 

Ag|AgCl (BAS) reference electrode at 293.15 ± 1 K. 
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One of the key changes in the cyclic voltammetric response of a system that indicates 

the presence of the EC' electron transfer mechanism is an increase in the peak 

oxidative current, Ip
ox. This is due to the catalytic effect of the system. The increase of 

the peak current with the addition of 4 mM and 16 mM tiopronin are represented by 

the ratio between their peak current, Ip
Tio, and the peak current with no tiopronin 

present, Ip
Blank, at different scan rates, figure 6.8. This refers to the turnover number 

(TON) of the system. The variations in the turnover number for increasing excess 

factors, γ, of catalyst at different scan rates are shown in table 6.1.  

 

It can be seen from table 6.1 and in figure 6.8 that the turnover number increases with 

increasing excess factor, with the most pronounced increase occurring at lower scan 

rates and, therefore, higher kinetic parameters, λ; giving a kEC' ~ 102-103 M-1 s-1. 

 

Figure 6.8 - Plot of the ratio of peak current for ferrocenemethanol (0.5 mM) in 

aqueous KCl (0.1 M) with and without tiopronin (0, 4 and 16 mM) present (Ip
Tio/Ip

Blank) 

versus the scan rate. Performed at a glassy carbon working electrode (3 mm, BASi), 

with a graphite counter electrode and Ag|AgCl reference electrode (BAS) at           

293.15 ± 1 K. 
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Table 6.1 - A table compiling the peak currents, excess factors and turnover number 

for solutions of ferrocenemethanol (0.5 mM) in the presence of different 

concentrations of tiopronin (0.5 - 16 mM) at various scan rates (0.02 - 0.3 V s-1). 

[FcMeOH]/ 

mM 

[Tiopronin]/ 

  mM 

ν/ 

V s-1 

Ip
Ox/ 

µA 

γ Ip
Ox/Ip

0 

0.5 0 0.02 3.34 0 1.00 

0.5 0 0.05 5.36 0 1.00 

0.5 0 0.075 6.67 0 1.00 

0.5 0 0.1 8.29 0 1.00 

0.5 0 0.2 11.4 0 1.00 

0.5 0 0.3 14.0 0 1.00 

0.5 0.5 0.02 4.06 1 1.22 

0.5 0.5 0.05 5.96 1 1.11 

0.5 0.5 0.075 6.66 1 1.00 

0.5 0.5 0.1 8.10 1 0.97 

0.5 0.5 0.2 11.0 1 0.97 

0.5 0.5 0.3 13.9 1 0.99 

0.5 1 0.02 5.85 2 1.75 

0.5 1 0.05 6.92 2 1.29 

0.5 1 0.075 7.97 2 1.19 

0.5 1 0.1 8.37 2 1.01 

0.5 1 0.2 12.4 2 1.08 

0.5 1 0.3 14.3 2 1.02 

0.5 2 0.02 4.77 4 1.43 

0.5 2 0.05 5.95 4 1.11 

0.5 2 0.075 7.47 4 1.12 

0.5 2 0.1 8.08 4 0.98 

0.5 2 0.2 11.4 4 1.00 

0.5 2 0.3 14.6 4 1.05 

0.5 4 0.02 7.12 8 2.14 

0.5 4 0.05 7.93 8 1.48 

0.5 4 0.075 8.57 8 1.28 

0.5 4 0.1 9.83 8 1.19 

0.5 4 0.2 12.1 8 1.06 

0.5 4 0.3 15.8 8 1.13 

0.5 16 0.02 10.1 32 3.01 

0.5 16 0.05 11.2 32 2.09 

0.5 16 0.075 12.3 32 1.85 

0.5 16 0.1 12.9 32 1.55 

0.5 16 0.2 12.4 32 1.08 

0.5 16 0.3 23.7 32 1.70 

 

 

At the highest kinetic parameter (which is the slowest scan rate investigated,               

0.02 V s-1), the peak current, when the excess factor is 32, is 3.01 times larger than 

when no tiopronin is present. This implies that once the ferrocenemethanol is oxidised 
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to ferriciniummethanol, the tiopronin will reduce it allowing for a larger concentration 

of ferrocenemethanol at the electrode surface. As the kinetic parameter decreases this 

ratio tends towards unity; consequently, as the reaction time is reduced, the turnover 

number is reduced too. This is a common response of an EC' electron transfer and 

describes characteristics similar to that of the KD zone in figure 2.19.26 The change in 

the measured peak potentials for the ferrocenemethanol | ferriciniummethanol            

(0.5 mM) redox couple in the presence of various amounts of tiopronin (0.5 - 16 mM) 

are presented in table 6.2. 

 

Table 6.2 - A table compiling the peak potentials and peak-to-peak separation for 

solutions of ferrocenemethanol (0.5 mM) in the presence of different concentrations 

of tiopronin (0.5 - 16 mM) at various scan rates (0.02 - 0.3 V s-1). 

γ ν/ V s-1 Ep
Ox/ V Ep

Red/ V ΔE/ mV Emid/ V 

0 0.02 0.213 0.138 75 0.176 

0 0.05 0.214 0.137 77 0.176 

0 0.1 0.222 0.141 81 0.182 

0 0.2 0.213 0.138 75 0.176 

0 0.3 0.215 0.138 77 0.177 

1 0.02 0.223 0.130 93 0.177 

1 0.05 0.221 0.132 89 0.177 

1 0.1 0.217 0.133 84 0.175 

1 0.2 0.213 0.133 80 0.173 

1 0.3 0.215 0.135 80 0.175 

2 0.02 0.222 0.142 80 0.182 

2 0.05 0.225 0.141 84 0.183 

2 0.1 0.220 0.141 79 0.181 

2 0.2 0.218 0.143 75 0.181 

2 0.3 0.221 0.142 79 0.182 

4 0.02 0.227 0.138 89 0.183 

4 0.05 0.222 0.142 80 0.182 

4 0.1 0.221 0.143 78 0.182 

4 0.2 0.219 0.143 76 0.181 

4 0.3 0.221 0.145 76 0.183 

8 0.02 0.248 0.109 139 0.179 

8 0.05 0.233 0.130 103 0.182 

8 0.1 0.226 0.138 88 0.182 

8 0.2 0.223 0.141 82 0.182 

8 0.3 0.221 0.143 78 0.182 

32 0.02 0.306 0.075 231 0.191 

32 0.05 0.293 0.098 195 0.196 

32 0.1 0.266 0.124 142 0.195 

32 0.2 0.234 0.137 97 0.186 

32 0.3 0.234 0.145 89 0.190 
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Below 4 mM tiopronin there was no deviation in Emid = + 0.18 V or the peak-to-peak 

separation, ΔE = 76.6 ± 3 mV. For the addition of 16 mM tiopronin, there is a shift in 

Emid to a larger oxidative potential, Emid = + 0.19 V. In both the 4 mM and 16 mM 

addition of tiopronin there is a larger peak-to-peak separation as the scan rate is 

decreased; with the largest separation observed for the 0.02 V s-1 scan rate (13.9 mV 

for 4 mM tiopronin and 23.1 mV for 16 mM tiopronin), figure 6.9. These shifts are 

expected for this EC' reaction scheme. 

Figure 6.9 - Plot of oxidative and reductive peak potential, Ep, versus the log of the 

scan rate for ferrocenemethanol (0.5 mM) in aqueous KCl (0.1 M) with varied 

amounts of tiopronin (0, 4 and 16 mM). Performed at a glassy carbon working 

electrode (3 mm, BASi), with a graphite counter electrode and Ag|AgCl reference 

electrode (BAS) at 293.15 ± 1 K. 

 

This change in the peak-to-peak separation is accompanied by an alteration of the 

wave-shape. It can be seen that the waveshape changes from a classical reversible peak 

shape, observed in zone D in figure 2.19, towards a more sigmoidal shaped wave, 

observed in zone KS in figure 2.19, as the concentration of tiopronin is increased and 

the scan rate is decreased.  
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The evidence of an increase in Emid, the peak-to-peak separation and the peak oxidative 

current are all indicative of an EC' type reaction. They are compatible with a scenario 

where no substrate is consumed and the wave-shape is dependent on the reaction 

kinetics of the chemical step, where RFc corresponds to ferrocenemethanol and RSH 

represents tiopronin.  

𝑅𝐹𝑐 − 𝑒− ⇌ 𝑅𝐹𝑐+ 6.1 

𝑅𝐹𝑐+ + 𝑅𝑆𝐻
𝑠𝑙𝑜𝑤
→  𝑅𝐹𝐶 + 𝑅𝑆𝐻.+ 

6.2 

𝑅𝑆𝐻.+ → 𝑅𝑆 . + 𝐻+ 6.3 

2𝑅𝑆 . → 𝑅𝑆𝑆𝑅 6.4 

In this way, as the scan rate is increased, the wave-shape tends toward the KD zone. 

 

The effects that changes in the scan rate and tiopronin concentration have on the cyclic 

voltammetric response of ferrocenemethanol have been observed. It is important to 

consider how the pH of the solution will alter the structure and reactivity of the 

tiopronin. The thiol group of tiopronin has a pKa of 8.33; therefore, at pH 6 the 

protonated form will dominate and at pH 9 the thiolate (deprotonated form) will 

dominate. 

𝑅𝑆𝐻 ⇌ 𝑅𝑆− + 𝐻+ 6.5 

 

The thiolate group is more nucleophilic and easier to oxidise than the thiol group and 

therefore, possesses enhanced electron donating abilities. In the chemical step of the 

EC' mechanism, the thiolate will now act as the electron donor to reduce the 

ferriciniummethanol. It is therefore expected that with the increased reactivity of the 

thiolate, the regeneration of ferrocenemethanol should be enhanced, resulting in an 

increased peak current. 

 

The cyclic voltammetric response of ferrocenemethanol (0.5 mM) with KCl (0.1 M) 

in pH 6 ammonium chloride (0.1 M) buffer and pH 9 borate (0.1 M) buffer in the 

presence of tiopronin (4 mM) at 0.02 V s-1 and 0.1 V s-1 are presented in figure 6.10 

and 6.11 respectively. 
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Figure 6.10 - Cyclic voltammograms for ferrocenemethanol (0.5 mM) with KCl       

(0.1 M) in pH 6 ammonium chloride (0.1 M) buffer and pH 9 borate (0.1 M) buffer in 

the presence of tiopronin (4 mM) at 0.02 V s-1 Performed at a glassy carbon electrode 

(3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) reference electrode at        

293.15 ± 1 K. 

Figure 6.11 - Cyclic voltammograms for ferrocenemethanol (0.5 mM) with KCl       

(0.1 M) in pH 6 ammonium chloride (0.1 M) buffer and pH 9 borate (0.1 M) buffer in 

the presence of tiopronin (4 mM) at 0.1 V s-1 Performed at a glassy carbon electrode 

(3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) reference electrode at 

293.15 ± 1 K. 
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It can be seen in both figure 6.10 and 6.11 that the peak current is greatly increased 

when the solution is at pH 9 with tiopronin compared to pH 6 and just 

ferrocenemethanol. The turnover numbers for each case shown in figures 6.10 and 

6.11 are presented in table 6.3. 

 

Table 6.3 - A table compiling the peak currents, excess factors and turnover number 

for solutions of ferrocenemethanol (0.5 mM) with tiopronin (4 mM) unbuffered, at pH 

6 and pH 9 at two scan rates (0.02 and 0.1 V s-1). 

pH [FcMeOH]/ 

mM 

[Tiopronin]/ 

  mM 

ν/ 

V s-1 

Ip
Ox/ 

µA 

γ Ip
Ox/Ip

0 

N/A 0.5 0 0.02 3.34 8 1.00 

6 0.5 4 0.02 6.96 8 2.09 

9 0.5 4 0.02 26.5 8 7.95 

N/A 0.5 0 0.1 8.29 8 1.00 

6 0.5 4 0.1 8.58 8 2.57 

9 0.5 4 0.1 43.5 8 5.25 

 

The turnover numbers observed for both the 0.02 and 0.1 V s-1 scan rates at pH 9 (7.95 

and 5.25 respectively) is much larger than that observed at pH 6 (2.09 and 2.57 

respectively). In this way the system at pH 6 has an estimated kEC' ~ 102 M-1 s-1 and 

pH 9 has an estimated kEC' ~ 103 M-1 s-1. This is evidence toward the thiolate being a 

better catalyst than the thiol in this EC' system. 

 

The oxidative peak potentials for pH 6 shift to higher potentials, + 0.32 V for              

0.02 V s-1 and + 0.25 V for 0.1 V s-1 than ferrocenemethanol on its own which 

remained constant at + 0.22 V. This trend is consistent with the unbuffered systems 

explored previously, where the peak potential was increasingly oxidatively shifted as 

you decreased the scan rate. The opposite trend is observed for the system at pH 9, 

where the oxidative potential decreases as the scan rate is decreased; from + 0.27 V to 

+ 0.23 V for 0.1 V s-1 and 0.02 V s-1 respectively.  

 

There is also a change in waveshape when you change from pH 6 to pH 9. The shape 

of the wave at pH 6 is reminiscent of the ones in the unbuffered system, where as the 

scan rate is decreased, the waveshape tends toward a sigmoidal shape; this was linked 
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to the KS zone in the kinetic zone diagram, figure 2.19. At pH 9, there is a peak shape 

that reaches a maximum before decreasing due to the competition between the 

consumption of the substrate through the rate determining step and the diffusion of the 

substrate from the bulk solution to the electrode surface. In addition to this there is no 

reverse redox process observed due to the catalytic turnover. These traits are 

characteristic of a system in the K zone of the kinetic zone diagram in figure 2.19. 

 

The cyclic voltammetric response of ferrocenemethanol has been observed in the 

presence of tiopronin at different pH. It is known that tiopronin can form complexes 

with some metal ions, including Cu, Ni and Co.14, 17, 18 It is proposed that if tiopronin 

forms complexes with the alkaline-earth metal ions that this will impede the ability for 

it to act as a catalyst in the reduction of ferriciniummethanol. This will be reflected in 

a decrease in the turnover number as the excess factor is reduced. Figure 6.7 showed 

that 16 mM of tiopronin was enough to produce sigmoidal shaped voltammograms for 

scan rates up to 0.1 V s-1 which is not desired for the next section. It was decided 

therefore that 4 mM tiopronin will be used going forward. Initially the cyclic 

voltammetric response of ferrocenemethanol with tiopronin (4 mM) was observed in 

the presence of increasing concentrations of Ba2+. 

 

6.2.2 Barium detection  

 

As mentioned above, tiopronin has been seen to coordinate with some metal 2+ 

cations. If tiopronin binds to alkaline-earth metal cations then it will be taken away 

from the EC' mechanism seen earlier. This would result in a decrease in the peak 

current and turnover numbers recorded. The effect of Ba2+ on the cyclic voltammetric 

response of the ferrocenemethanol and tiopronin system was investigated. Cyclic 

voltammograms of ferrocenemethanol (0.5 mM) in the presence of tiopronin (4 mM) 

and various amounts of barium nitrate (Ba(NO3)2, 1 M - 1 M) at pH 6 after 3 hours 

incubation are presented in figure 6.12.  
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Figure 6.12 - Cyclic voltammograms (ν = 0.1 V s-1) for ferrocenemethanol (0.5 mM) 

with KCl (0.1 M), tiopronin (4 mM) and various additions of Ba(NO3)2 (1 µM - 1 M,    

3 h incubation) in ammonium chloride buffer (pH = 6, 0.1 M). Performed at a glassy 

carbon electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) reference 

electrode at 293.15 ± 1 K. 

 

 

 

There is no discernible trend present in figure 6.12, with the only statistically 

significant decrease in peak current from the blank system occurring for the 1 M 

addition of Ba(NO3)2. This is reflected in the calculated turnover numbers for the 

results obtained at 0.02 and 0.1 V s-1 scan rates are presented in table 6.4. 
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Table 6.4 - A table compiling the peak currents, excess factors and turnover number 

for solutions of ferrocenemethanol (0.5 mM) with tiopronin (4 mM) at pH 6 with 

various additions of Ba(NO3)2 (1 μM – 1 M). 

pH [FcMeOH]/ 

mM 

[Tiopronin]/ 

  mM 

[Ba(NO3)2]/ 

M 

ν/ 

V s-1 

Ip
Ox/ 

µA 

Ip
Ox/Ip

0 

N/A 0.5 0 0 0.02 3.34 1.00 

N/A 0.5 0 0 0.1 8.29 1.00 

6 0.5 4 0 0.02 6.96 2.09 

6 0.5 4 1 x 10-6 0.02 5.28 1.58 

6 0.5 4 1 x 10-5 0.02 11.6 3.48 

6 0.5 4 1 x 10-4 0.02 7.01 2.10 

6 0.5 4 1 x 10-3 0.02 5.52 1.65 

6 0.5 4 1 x 10-2 0.02 4.60 1.38 

6 0.5 4 1 x 10-1 0.02 6.18 1.85 

6 0.5 4 1  0.02 3.86 1.16 

6 0.5 4 0 0.1 8.58 2.57 

6 0.5 4 1 x 10-6 0.1 8.09 2.43 

6 0.5 4 1 x 10-5 0.1 12.5 3.76 

6 0.5 4 1 x 10-4 0.1 8.89 2.66 

6 0.5 4 1 x 10-3 0.1 7.75 2.32 

6 0.5 4 1 x 10-2 0.1 7.18 2.15 

6 0.5 4 1 x 10-1 0.1 8.05 2.41 

6 0.5 4 1 0.1 6.35 1.90 

 

It can be seen from table 6.4 that for both scan rates tested there is a large turnover 

number in the absence of barium nitrate, 2.09 for 0.02 V s-1 and 2.57 for 0.1 V s-1. This 

value remains constant within statistical error for all the additions of barium except 

two. For the addition of 10 μM, the turnover number increases to 3.48 for 0.02 V s-1 

and 3.76 for 0.1 V s-1, this is proposed to be due to experimental error in the solution 

preparation. When 1 M barium nitrate is added to the solutions, the turnover number 

statistically significantly decreases to 1.16 for 0.02 V s-1 and 1.90 for 0.1 V s-1. This 

is proposed to be caused by the barium inhibiting the ability for tiopronin to partake 
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in the reaction. These decreases in turnover number are reflected in the decrease in 

measure peak currents in figure 6.13. 

Figure 6.13 - Plot of peak current of cyclic voltammograms (ν = 0.1 V s-1) versus the 

log of the concentration of Ba(NO3)2 (1 µM - 1 M) added to ferrocene methanol        

(0.5 mM) in water with KCl (0.1 M) and tiopronin (4 mM) at pH 6. Performed at a 

glassy carbon electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) 

reference electrode at 293.15 ± 1 K. 

 

The peak oxidative potentials, Ep
Ox, observed, figure 6.14, show an ~13 mV shift to 

lower potentials from the blank system at + 0.250 V to the solution containing 1 M 

Ba2+ at + 0.237 V. This shift is not a linear one, with the solution with 0.1 M Ba+2 

exhibiting an increase in the peak oxidative potential to + 0.252 V from + 0.243 V at 

10 mM. The 1 M Ba2+ solution also exhibits the only statistically significant decrease 

in Emid to    Emid = 0.19 V from + 0.20 V. 
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Figure 6.14 - Plot of peak potential of cyclic voltammograms (ν = 0.1 V s-1) versus 

the log of the concentration of Ba(NO3)2 (1 µM - 1 M) added to ferrocene methanol        

(0.5 mM) in water with KCl (0.1 M) and tiopronin (4 mM) at pH 6. Performed at a 

glassy carbon electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) 

reference electrode at 293.15 ± 1 K. 

 

As observed in figures 6.10 and 6.11 the voltammetric wave shape changes depending 

on the pH of the solution. This is observed again when comparing the addition of 

Ba(NO3)2 (0 – 1 M) to a solution of ferrocenemethanol (0.5 mM) and tiopronin               

(4 mM) at pH 6, figure 6.14, and pH 9, figure 6.15. The wave-shape at pH 6 has both 

an oxidative reductive peak with a peak-to-peak separation of ~ 0.1 V. In contrast, at 

pH 9 there is no reductive peak at all due to the catalytic turnover described in the K 

zone of the kinetic zone diagram in figure 2.19. 
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Figure 6.15 - Cyclic voltammograms (ν = 0.1 V s-1) for ferrocenemethanol (0.5 mM) 

with KCl (0.1 M), tiopronin (4 mM) and various additions of Ba(NO3)2 (1 µM - 1 M,    

6 h incubation) in borate  buffer (pH = 9, 0.1 M). Performed at a glassy carbon 

electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) reference 

electrode at    293.15 ± 1 K. 

 

In this framework, there is a large decrease in the peak current observed in the presence 

of Ba2+ from 42.3 ± 0.5 μA in the blank to 30.1 ± 0.3 μA in the presence of 1 μM 

Ba(NO3)2. After this addition there is no statistically significant changes in the peak 

current or turnover numbers until 10 mM barium nitrate is added to the system. This 

trend is observed at both scan rates (0.02 V s-1 and 0.1 V s-1) and is summarised below 

in table 6.4 
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Table 6.4 - A table compiling the peak currents, excess factors and turnover number 

for solutions of ferrocenemethanol (0.5 mM) with tiopronin (4 mM) at pH 9 with 

various additions of Ba(NO3)2 (1 μM – 1 M). 

pH [FcMeOH]/ 

mM 

[Tiopronin]/ 

  mM 

[Ba(NO3)2]/ 

M 

ν/ 

V s-1 

Ip
Ox/ 

µA 

Ip
Ox/Ip

0 

N/A 0.5 0 0 0.02 3.34 1.00 

N/A 0.5 0 0 0.1 8.29 1.00 

9 0.5 4 0 0.02 26.5 7.95 

9 0.5 4 1 x 10-6 0.02 21.9 6.55 

9 0.5 4 1 x 10-5 0.02 21.2 6.34 

9 0.5 4 1 x 10-4 0.02 19.9 5.97 

9 0.5 4 1 x 10-3 0.02 19.8 5.95 

9 0.5 4 1 x 10-2 0.02 20.7 6.19 

9 0.5 4 1 x 10-1 0.02 16.9 5.07 

9 0.5 4 1  0.02 11.5 3.45 

9 0.5 4 0 0.1 43.5 5.25 

9 0.5 4 1 x 10-6 0.1 30.1 3.63 

9 0.5 4 1 x 10-5 0.1 30.8 3.71 

9 0.5 4 1 x 10-4 0.1 26.9 3.25 

9 0.5 4 1 x 10-3 0.1 27.2 3.28 

9 0.5 4 1 x 10-2 0.1 28.1 3.39 

9 0.5 4 1 x 10-1 0.1 21.2 2.56 

9 0.5 4 1 0.1 14.2 1.72 

 

The decrease in peak current from 0.01 – 1 M, figure 6.16, was found to be 

reproducible over a time period of 24 h with a linear fit of 7 ± 0.3 μA decade -1. After 

incubation for 96 h, the measured peak current decreased to the approximate current 

measured with no tiopronin present, represented by the black diamonds on figure 6.16. 

This indicates that the EC’ mechanism that enhanced the peak current is no longer 

taking place. This is proposed to be due to the tiopronin no longer being free to act as 

a catalyst due to either being coordinated to Ba2+ or having formed disulphide bonds 

with other tiopronin molecules present in solution. 
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Figure 6.16 - Plot of peak current of cyclic voltammograms (ν = 0.1 V s-1) versus the 

log of the concentration of Ba(NO3)2 (1 µM - 1 M) added to ferrocene methanol        

(0.5 mM) with KCl (0.1 M) and tiopronin (4 mM) in borate buffer (pH 9, 0.1 M) after 

various incubation times (6 - 96 hrs). Performed at a glassy carbon electrode (3 mm, 

BAS) with a graphite counter and Ag|AgCl (BAS) reference electrode at                 

293.15 ± 1 K. 

 

The measure peak oxidative potential, Ep
Ox, at pH 9 exhibited a similar trend to the 

peak current. Upon the addition of 1 μM of Ba2+ the peak potential shifted oxidatively 

to + 0.291 V from + 0.272 V when no barium was present. Figure 6.17 shows the 

change in the observed peak potential with the addition of various amounts of 

Ba(NO3)2 (1 μM – 1 M) after 6 h incubation time at pH 9. There is an overall oxidative 

shift in the peak potentials from + 0.291 V at 1 μM Ba2+ to + 0.323 V at 1 M Ba2+. 

The shift observed is not uniform with a large increase observed upon the addition of 

0.1 M Ba2+ to + 0.327 V from + 0.298 V for 10 mM. The absence of any well-defined 

linear trend in the observed oxidative shifts show that that this method is unsuitable 

for the detection of Ba2+ through monitoring changes in potential.  
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Figure 6.17 - Plot of peak potential of cyclic voltammograms (ν = 0.1 V s-1) versus 

the log of the concentration of Ba(NO3)2 (1 µM - 1 M) added to ferrocene methanol        

(0.5 mM) with KCl (0.1 M) and tiopronin (4 mM) in borate buffer (pH 9, 0.1 M) after   

6 h incubation time. Performed at a glassy carbon electrode (3 mm, BAS) with a 

graphite counter and Ag|AgCl (BAS) reference electrode at 293.15 ± 1 K. 

 

There was an observed linear decrease of 7.0 ± 0.5 μA decade-1 in the peak oxidative 

current. This produced a LOD (limit of detection) of 11 ± 2 mM, by finding the point 

at which the two linear lines of best fit intercept. Barium sulfate has a solubility 

product of 1.08 x 10-10 which indicates the LOD of the system is far too high for the 

detection of alkaline-earth metal ions in formation water, see table 1.5.27 Therefore, 

altering the concentration of tiopronin present in the solution was investigated to see 

if this altered the LOD. Figure 6.18 shows the cyclic voltammetric peak current of 

ferrocenemethanol (0.5 mM) with four different concentrations of tiopronin (0, 1, 4 

and 16 mM) and various additions of Ba(NO3)2 (1 μM – 1 M) with KCl (0.1 M) in 

borate buffer (pH 9, 0.1 M).      
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Figure 6.18 - Plot of peak current of cyclic voltammograms (ν = 0.1 V s-1) versus the 

log of the concentration of Ba(NO3)2 (1 µM - 1 M) added to ferrocene methanol        

(0.5 mM) with KCl (0.1 M) and tiopronin (0, 1, 4 and 16 mM) in borate buffer (pH 9, 

0.1 M) after 6 h incubation time. Performed at a glassy carbon electrode (3 mm, BAS) 

with a graphite counter and Ag|AgCl (BAS) reference electrode at 293.15 ± 1 K. 

 

All three systems containing tiopronin produced increased peak currents from the 

system in the absence of tiopronin. For 1 μM Ba2+ additions the measured peak 

currents were 50 ± 9 μA, 30 ± 0.3 μA and 14 ± 0.8 μA for 16, 4 and 1 mM tiopronin 

respectively. As the concentration of tiopronin was increased the gradient of the linear 

best fit also increased from 4 ± 0.7 μA decade-1 for 1 mM to 7 ± 0.5 μA decade-1 for  

4 mM and      17 ± 2 μA decade-1 for 16 mM. Neither increasing nor decreasing the 

concentration of tiopronin had the desired effect on the detection limits of the system. 

The 16 mM system gave a LOD of 18 ± 2 mM and 1 mM tiopronin produced a LOD 

of 23 ± 4 mM. Due to the inability to detect Ba2+ accurately around the solubility 

product of barium sulfate, this system was deemed unsuitable for the application to 

downhole sensing. Further testing would be needed to establish its affinity for the other 

alkaline-earth metal ions. 
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6.3 Conclusions 

 

The effect that tiopronin (0.5 – 16 mM) has on the cyclic voltammetry of the 

ferrocenemethanol | ferriciniummethanol redox couple has been investigated. It has 

been observed to increase the peak oxidative current, shift the peak potential and alter 

the wave-shape. It was deduced that the electron transfer mechanism changes from an 

E type process to an EC’ process in the presence of tiopronin. Altering the pH to above 

the pKa of tiopronin, to produce the more reactive and nucleophilic deprotonated thiol 

increased the catalytic current produced. 

 

The application of this system to the detection of barium was investigated. No 

statistically significant trends were observed upon the addition of barium to the system 

at pH 6. The addition of barium (> 10 mM) gave a large decrease in the oxidative peak 

current and turnover number at pH 9. Above this concentration a linear trend was 

observed at 7 ± 0.5 μA decade-1 with a limit of detection of 11 ± 2 mM for a system 

containing 4 mM tiopronin. This was found to be reproducible over a 24 h timeframe. 

Above this time frame the current response and turnover number was found to have 

fallen back to the approximate magnitude or a system in the absence of tiopronin. It is 

proposed that after this time either all of the tiopronin is coordinated to barium or has 

formed disulphide bonds with other tiopronin molecules; therefore, unable to act as a 

catalyst in the EC’ type mechanism. It was found that the gradient of the linear trend 

increased with increasing amounts of tiopronin; however, the LOD was still not in the 

desired range for alkaline-earth metal ion detection in formation water, table 1.5. 

Reducing the tiopronin concentration reduced the gradient of the linear trend, but 

again the LOD was not reduced from the 4 mM case. 

 

The system produced LODs that were much higher (10 – 30 mM) than the 

concentration of Ba2+ prior to barium sulfate scale formation (10 μM). This method 

was therefore deemed unsuitable for the desired application of this work. Future work 

on this system would include the investigation of the effect of the other alkaline-earth 

metal ions, Mg2+, Ca2+ and Sr2+ on the system and the suitability of the system for their 

detection. For example, calcium ion concentration in produced water can reach higher 
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than 100,000 mg L-1 and therefore this method could be suitable assuming the same 

interactions were in place.28 

 

This chapter focussed on sensing chemistry for alkaline-earth metal cations in aqueous 

environments. The relationship between tiopronin/barium coordination and the 

tiopronin/ferrocenemethanol EC' mechanism was utilised to detect the presence of 

barium cations through a change in the peak current and calculated turnover numbers. 

In the following chapter sodium rhodizonate will be used in an aqueous environment 

to detect alkaline-earth metal cations through a shift in the peak potentials and change 

in the peak current.   
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7 Sodium rhodizonate as a voltammetric sensing platform 

for the detection of alkaline – earth metal cations in water 

 

Chapters 5 and 6 explored using changes in either the measured potential or current of 

an electrochemically active molecule. The following chapter seeks to utilise an 

entirely novel approach to ion sensing; using changes in both the potential and current 

to successfully determine the concentration of alkaline-earth metal cations in aqueous 

solution.  

 

7.1 Introduction 

 

The ligand chosen for investigation is the rhodizonate dianion, which was discovered 

as rhodizonic acid  by Johann Heller in 18371 and is found commercially in the form 

of disodium rhodizonate. Rhodizonic acid has a pK1 of 4.378 ± 0.009 and pK2 of           

4.652 ± 0.014 at 298.15 K and forms the rhodizonate dianion which is a symmetric, 

aromatic compound that is unhydrated, unlike the monoanion.2 The dianion has been 

shown to form coloured precipitates with some univalent (Ag+ and Hg+) and divalent 

(Cu2+, Pb2+, Zn2+, Ca2+, Sr2+ and Ba2+) metal ions.3–5 Disodium rhodizonate, figure 

7.1, consists of alternating layers of hexagonally packed Na+ cations and rhodizonate 

dianions.6  

 

Figure 7.1 - The skeletal structure of disodium rhodizonate. 

 

Sodium rhodizonate is soluble in aqueous conditions, forming a orange/yellow 

coloured solution, figure 7.2, depending on the concentration. This solution 
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decolourises over time due to the decomposition of the rhodizonic acid over ~36 h for 

a 0.01 M solution.7 Solutions of sodium rhodizonate have been shown to be stable 

over a few days in the absence of oxygen at pH 8.3; where in the absence of oxygen it 

will eventually decompose to the tetrahydroxybenzoquinone (THBQ) anion and in the 

presence of oxygen it will decompose to croconic acid.8,9 

 

Figure 7.2 - A picture showing the orange coloured solution formed when disodium 

rhodizonate (4 mM) is dissolved in aqueous KCl (0.1 M) with boric acid (0.1 M). 

 

Rhodizonate has been used regularly in histochemical studies, in regards to the 

determination of chemicals such as lead in gunshot residues, to varying degrees of 

success.10 In addition to this there has been some effort into utilising the rhodizonate 

anion for the detection of lead in water samples.11 Recent work has looked to utilise 

the lithium and sodium salts of rhodizonate for use in  lithium and sodium ion 

batteries.12,13  

 

The rhodizonate dianion has been shown to form a 1:1 complex with Ba2+ cations by 

I.R and Raman spectroscopy.14 The complexation of rhodizonate and barium was first 

used as a test for sulfate in titrations.15 With the system later being used for the 

detection of barium through spot tests by Feigl.16 This test has been manipulated to 

selectively detect barium over strontium and calcium with the addition of dilute HCl 

to spots.17  

 

Disodium rhodizonate has been shown to complex with the alkaline-earth metal ions 

of interest to this work and is electrochemically active.13 In the following chapter the 

electrochemistry of disodium rhodizonate will be explored using cyclic voltammetry 

(CV) and square wave voltammetry (SWV). The application of this compound toward 
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the selective determination of alkaline-earth metals in aqueous environments will then 

be characterised. It is proposed that due to the lower solubility of barium rhodizonate       

(Ksp =  2.14 x 10-9 at 293 K)18 will result in precipitation and hence a reduction in the 

measured current alongside a possible shift in peak potential due to complexation. 

 

𝐵𝑎(𝑎𝑞)
2+ + 𝑅𝑍(𝑎𝑞)

2− ⇌ 𝐵𝑎𝑅𝑍(𝑎𝑞) 7.1 

𝐵𝑎𝑅𝑍(𝑎𝑞) ⇌ 𝐵𝑎𝑅𝑍(𝑠) 7.2 

 

7.2 Results and discussion 

 

7.2.1 Cyclic voltammetric response of disodium rhodizonate 

 

The cyclic voltammetric response, figure 7.3, of disodium rhodizonate (NaRZ, 4 mM) 

was investigated at various scan rates (0.02 - 500 V s-1) in aqueous KCl (0.1 M) with 

boric acid (0.1 M) at pH 8.5. The measurements were performed at a Au macro 

electrode  (3 mm, BAS) at 293.15 ± 1 K. The solution degassed with nitrogen (BOC 

Gases, UK) for 30 min prior to any electrochemical measurements being taken; this 

was done for all experiments throughout this chapter. Even with vigorous degassing, 

the cyclic voltammetric response showed a substantial peak, attributed to oxygen, at           

~ - 0.6 V versus a Ag|AgCl reference electrode. At > - 1.0 V a single irreversible 

reductive peak was observed, proposed to be corresponding to the reduction of the 

rhodizonate dianion present at pH 8.5.2 

 

 

The peak potentials, Ep, for the single electron reductions are plotted against the 

decadic logarithm of the scan rate (ν), figure 7.4 (left). There is a clear shift in 

reductive peak potential of 75 ± 3 mV decade-1 to more negative potentials as the scan 

rate is increased. This behaviour supports the irreversible nature of the electrode 

reaction. The plot of peak current versus the square root of the scan rate, figure 7.4 

(right), is curved in nature.  
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Figure 7.3 - Cyclic voltammograms (ν = 0.02 - 0.3 V s-1) for disodium rhodizonate        

(4 mM) in aqueous KCl (0.1 M) with boric acid (0.1 M) at pH 8.5. Performed at an 

Au electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) reference 

electrode at 293.15 ± 1 K. 

 

 

Figure 7.4 - Plot of reductive peak potential, Ep, versus the log of the scan rate (left) 

and peak current, Ip, versus the square root of the scan rate (right) for sodium 

rhodizonate (4 mM) in aqueous KCl (0.1 M) with boric acid (0.1 M) at pH 8.5. 

Performed at a Au working electrode (3 mm, BASi), with a graphite counter electrode 

and Ag|AgCl reference electrode (BAS) at 293.15 ± 1 K. 
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7.2.2 The influence of barium on the cyclic voltammetry of disodium rhodizonate 

 

The influence of barium di - cations on the cyclic voltammetric response, figure 7.5, 

of NaRZ (4 mM) was studied in aqueous KCl (0.1 M) and boric acid (0.1 M). 

Sequential amounts of barium nitrate (Ba(NO3)2, 0.1 - 6 mM) was added to the 

solutions and cyclic voltammetry performed. Figure 7.5 shows a selection of the 

voltammograms obtained with barium (0.5 – 4 mM) added. There is clear variation in 

both the peak reductive potential and measured peak current; with the peak shifting 

oxidatively and the current decreasing, as expected from equation 7.1 and 7.2. 

Figure 7.5 – Cyclic voltammograms (ν = 0.1 V s-1) for disodium rhodizonate (4 mM) 

with sequential amounts of barium nitrate (Ba(NO3)2, 0.5 - 4 mM) in aqueous KCl       

(0.1 M) with boric acid (0.1 M) at pH 8.5. Performed at an Au electrode (3 mm, BAS) 

with a graphite counter and Ag|AgCl (BAS) reference electrode at 293.15 ± 1 K. 

 

A single reductive peak was observed in the absence of barium at - 1.012 V and                

- 46 ± 1 A, when baseline corrected for the presence of residual oxygen species 

present in solution. The potential shifted oxidatively and the current decreased, where 

at 4 mM Ba2+ the peak potential was - 0.838 V and the corrected peak current                     
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- 12 ± 1 µA. The voltammetric response, figure 7.6, to additions of the Ba2+ cation 

gave rise to an oxidative shift in peak potential (Ep) with a linear Nernstian 

relationship of 29.1  0.1 mV decade-1 above 0.5 mM Ba2+. The limit of detection 

(LOD) was calculated using the intersection of the two linear fits present in a full range 

of additions (10 M - 6 mM) as 570  70 M.  

 

 

Figure 7.6 - Plot of reductive cyclic voltammetric (ν = 0.1 V s-1) peak potential, Ep, 

versus the concentration of Ba(NO3)2 (0.1 - 6 mM) added for sodium rhodizonate         

(4 mM) in aqueous KCl (0.1 M) with boric acid (0.1 M) at pH 8.5. Performed at an 

Au working electrode (3 mm, BASi), with a graphite counter electrode and Ag|AgCl 

reference electrode (BAS) at 293.15 ± 1 K. 

 

 

Amperometrically, there is initially a small increase in peak current of ~ 2 µA between 

the absence of Ba2+ and 0.1 mM. Following this, there was an observed linear decrease 

in the baseline corrected peak current (Ip) of 9.88  0.25 mA decade-1 between              

0.5 mM and 5 mM, with a calculated LOD of 430  30 M. 
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Figure 7.7 - Plot of reductive cyclic voltammetric (ν = 0.1 V s-1) peak potential, Ep, 

versus the concentration of Ba(NO3)2 (0.1 - 6 mM) added for sodium rhodizonate         

(4 mM) in aqueous KCl (0.1 M) with boric acid (0.1 M) at pH 8.5. Performed at an 

Au working electrode (3 mm, BASi), with a graphite counter electrode and Ag|AgCl 

reference electrode (BAS) at 293.15 ± 1 K. 

 

 

The changes in voltammetry are attributed to the formation of barium rhodizonate; of 

which a precipitate was clearly visible, figure 7.8, at the concentrations described 

above, once the solubility product of Ksp =  2.14 x 10-9 at 293 K is exceeded.18 

 

𝐵𝑎(𝑎𝑞)
2+ + 𝑅𝑍(𝑎𝑞)

2− ⇌ 𝐵𝑎𝑅𝑍(𝑎𝑞) 7.3 

𝐵𝑎𝑅𝑍(𝑎𝑞) ⇌ 𝐵𝑎𝑅𝑍(𝑠) 7.4 
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Figure 7.8 - A picture showing the orange coloured solution with dark precipitate 

formed when disodium rhodizonate (4 mM) is dissolved in aqueous KCl (0.1 M) with 

boric acid (0.1 M) with Ba(NO3)2 (4 mM) added to it. 

 

 

The stability of these trends over different incubation times was investigated using 

square - wave voltammetry. Separate solutions of sodium rhodizonate (4 mM) were 

prepared with different concentrations of Ba(NO3)2 (0.1 - 4 mM). Each of these 

solutions was tested after being incubated for different lengths of time (1, 5 and 7 h). 

The change in the peak potential, Ep, for each concentration at different incubation 

times is presented in figure 7.9.  

 

 

It can be seen that the peak potentials stay statistically consistent over 7 hours of 

incubation time. Any significant deviation is observed below the concentration at 

which the Nernstian range begins, with a slope of 29.1  0.1 mV decade-1 above             

0.5 mM Ba2+. The change in the peak current for the same solutions is presented in 

figure 7.10. 
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Figure 7.9 - Plot of reductive square-wave (f = 25 Hz, A = 0.1 V, Step = 0.05 V) peak 

potential, Ep, after various incubation times (1 - 7 h) versus the concentration of 

Ba(NO3)2 (0.1 - 6 mM) added for sodium rhodizonate (4 mM) in aqueous KCl (0.1 M) 

with boric acid (0.1 M) at pH 8.5. Performed at an Au working electrode (3 mm, 

BASi), with a graphite counter electrode and Ag|AgCl reference electrode (BAS) at 

293.15 ± 1 K. 

 

Figure 7.10 - Plot of reductive square-wave (f = 25 Hz, A = 0.1 V, Step = 0.05 V) 

peak current, Ip, versus the concentration of Ba(NO3)2 (0.1 - 6 mM) added for sodium 

rhodizonate (4 mM) in aqueous KCl (0.1 M) with boric acid (0.1 M) at pH 8.5. 

Performed at an Au working electrode (3 mm, BASi), with a graphite counter 

electrode and Ag|AgCl reference electrode (BAS) at 293.15 ± 1 K. 
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Unlike the peak potentials, the peak currents exhibit large deviations in values between 

the different incubation times. There is a large decrease in the measured peak current 

between the 1 h and 5 h incubation times.   

 

 

 

In the absence of barium ions, after 1 hour, the peak current is measured at                           

-23.5 ± 0.7 µA; whereas after 5 hours this decreases to -18.5 ± 0.2 µA. After another 

two hours this current decreases further to -17.5 ± 0.5 µA. As the concentration of 

barium ions is increased, the separation between the measured currents after 1 and        

5 h is reduced. At   2 mM barium ions the current measured at 1 h is 2.1 ± 0.5 µA 

larger than at 5 h compared to a difference of 5.0 ± 0.9 µA in the absence of barium 

ions. This raises questions about the suitability of the current measurements for use in 

accurate determination of the amount of barium present, especially at concentrations 

≤ 2 mM. Although the values show a large deviation, a similar trend is exhibited across 

all three incubation times, with a linear response being shown between 0.5 mM and 

2.5 mM. 

 

 

 

The concentration of barium rhodizonate required to exceed the solubility product was 

calculated to be 41.8 M from the Ksp value reported by Pan et al.18 at 293 K and the 

average activity coefficients for KCl at 0.1 M.  To explore this square wave 

voltammetry was utilised to reach lower detection limits and minimize the 

contributions of non-faradaic processes. The square wave voltammograms for the 

addition of Ba(NO3)2 (10 - 80 µM) are presented in figure 7.11. 

 

 



205 

 

 

Figure 7.11 - Square - wave voltammograms (f = 25 Hz, A = 0.1 V, Step = 0.05 V) 

for disodium rhodizonate (4 mM) with sequential amounts of barium nitrate 

(Ba(NO3)2,    10 - 80 µM) in aqueous KCl (0.1 M) with boric acid (0.1 M) at pH 8.5. 

Performed at a Au electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) 

reference electrode at 293.15 ± 1 K. 

 

Similar to the cyclic voltammograms obtained previously, see figure 7.3 and 7.5, there 

is a large peak found at ~ -0.6 V, which is attributed to the residual presence of oxygen 

in the system after the 30 min degas. This peak does not have a significant trend in 

terms of its peak potential; however, the peak current measured decreases with 

increasing concentration of barium. The single reductive peak found at ~ - 1.0 V 

attributed to the reduction of the rhodizonate shows variations in both the measured 

peak potentials and currents as the concentration of barium is increased. There is an 

increase in the measured peak current from -9.1 ± 0.2 µA in the absence of barium to     

-11.1 ± 0.2 µA in the presence of 80 µM Ba2+. 

 

There was an observed large oxidative shift in the measured reductive potentials upon 

the addition of Ba2+ (10 - 50 µM), figure 7.12. There was a measured peak potential 
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of  -1.014 V in the absence of Ba2+ and -0.998 V with 50 µM Ba2+. Plotting two linear 

trends on figure 7.12, one from 0-40 µM and a second from 50-70 µM, and finding 

the point at which they cross gave a concentration of 42 ± 1 µM which is excellent 

agreement with the work from Pan et al..18 

 

Figure 7.12 – Plot of square wave I forward (f = 25 Hz, A = 0.1 V, Step = 0.05 V) Ep 

versus the concentration of Ba2+ added to sodium rhodizonate (4 mM) with KCl         

(0.1 M) and boric acid (0.1 M) in water. 

 

The oxidative shift in reductive Ep was proposed as the 1:1 complexation between the 

barium dication and rhodizonate dianion to form the aqueous barium rhodizonate 

before the solubility product is reached. 

 

𝐵𝑎(𝑎𝑞)
2+ + 𝑅𝑍(𝑎𝑞)

2− ⇌ 𝐵𝑎𝑅𝑍(𝑎𝑞) 7.5 

  

Square-wave voltammetry was then performed for the addition of barium, strontium 

and calcium (0.1 - 4 mM) to observe any differences in the effect on the peak potentials 

and currents, presented in figure 7.13, 7.14 and 7.15. 
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Figure 7.13 - Square - wave voltammograms (f = 25 Hz, A = 0.1 V, Step = 0.05 V) 

for disodium rhodizonate (4 mM) with sequential amounts of calcium nitrate               

(0.1 - 4 mM) in aqueous KCl (0.1 M) with boric acid (0.1 M) at pH 8.5. Performed at 

an Au electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) reference 

electrode at   293.15 ± 1 K. 

Figure 7.14 - Square - wave voltammograms (f = 25 Hz, A = 0.1 V, Step = 0.05 V) 

for disodium rhodizonate (4 mM) with sequential amounts of strontium nitrate           

(0.1 - 4 mM) in aqueous KCl (0.1 M) with boric acid (0.1 M) at pH 8.5. Performed at 

an Au electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) reference 

electrode at 293.15 ± 1 K. 
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Figure 7.15 - Square - wave voltammograms (f = 25 Hz, A = 0.1 V, Step = 0.05 V) 

for disodium rhodizonate (4 mM) with sequential amounts of barium nitrate                

(0.1 - 4 mM) in aqueous KCl (0.1 M) with boric acid (0.1 M) at pH 8.5. Performed at 

an Au electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) reference 

electrode at  293.15 ± 1 K. 

 

All three of the systems in figure 7.13-7.15 exhibited similar trends with initially stable 

peak currents and large oxidative shifts in the measured reductive potentials, typically           

~ 10 mV for the addition of 0.25 mM. After this concentration a linear trend was 

observed both for the decrease in the peak current and shift in peak potential. 

 

It was observed that the platform was sensitive to calcium and strontium in addition 

to the barium di – cation. The sensitivity of the system towards alkaline – earth metals 

was found to be Ba2+ > Sr2+ > Ca2+, as shown in figure 7.16. The oxidative shift in 

reductive Ep was found to decrease from 41.6  1.8 mV decade-1 for Ba2+ to                   

22.3  2.2 mV decade-1 for Sr2+ and 19.9 mV/decade for Ca2+. A similar trend was 

found with regards to the amperometric measurements, figure 7.17, with a decrease 

from 63.7  0.1 A decade-1 for Ba2+ to 59.4  0.1 A decade-1 for Sr2+ and                    

53.3  0.06 A decade-1 for Ca2+. 
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Figure 7.16 – Plots of Ep versus M2+ concentration for the additions of alkaline-earth 

di – cations to sodium rhodizonate (4 mM) with KCl (0.1 M) and boric acid (0.1 M) 

in water. 

Figure 7.17 – Plots of Ip versus M2+ concentration for the additions of alkaline-earth 

di – cations to sodium rhodizonate (4 mM) with KCl (0.1 M) and boric acid (0.1 M) 

in water. 
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The measurements up to this point have been performed in a solution free from 

interference and have exhibited strong trends toward being able to detect the presence 

of alkaline - earth metal cations in aqueous conditions. The system has shown that it 

is capable of detecting strontium and calcium at appropriate levels for detection in sea 

water (~ 0.1 and ~10 mM respectively) and the possibility of detecting typical 

concentrations of barium (~ 0.1 µM).19,20 To further test this in laboratory conditions 

solutions were made to pH 8.5 which is close to that found at the high end of sea water 

pH, 8.4.21 In addition to this the solutions were made to 35 salinity by the addition of 

NaCl and the same experimental procedure followed to that in figures 7.13-7.15.   

7.2.3  Application to sea water 

 
Sea water conditions at 35 salinity were produced using NaCl (0.6 M). Other than the 

increase in salinity of the solutions, the experiments were performed with an identical 

procedure to those in figure 7.13-7.15. The square - wave voltammograms obtained 

for the addition of Ba2+, Sr2+ and Ca2+ to NaRZ (4 mM) are presented in figure          

7.18-7.20. 

Figure 7.18 - Square - wave voltammograms (f = 25 Hz, A = 0.1 V, Step = 0.05 V) 

for disodium rhodizonate (4 mM) with sequential amounts of calcium nitrate               

(0.1 - 4 mM) in aqueous NaCl (0.6 M) with boric acid (0.1 M) at pH 8.5. Performed 

at an Au electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) reference 

electrode at 293.15 ± 1 K. 
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Figure 7.19 - Square - wave voltammograms (f = 25 Hz, A = 0.1 V, Step = 0.05 V) 

for disodium rhodizonate (4 mM) with sequential amounts of strontium nitrate           

(0.1 - 4 mM) in aqueous NaCl (0.6 M) with boric acid (0.1 M) at pH 8.5. Performed 

at an Au electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) reference 

electrode at 293.15 ± 1 K. 

Figure 7.20 - Square - wave voltammograms (f = 25 Hz, A = 0.1 V, Step = 0.05 V) 

for disodium rhodizonate (4 mM) with sequential amounts of barium nitrate                

(0.1 - 4 mM) in aqueous NaCl (0.6 M) with boric acid (0.1 M) at pH 8.5. Performed 

at an Au electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) reference 

electrode at 293.15 ± 1 K. 
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The voltammograms obtained in the 35 salinity experiments exhibit similar properties 

to those obtained in aqueous KCl. Initially there is no deviation in the measured peak 

current and a large oxidative shift in the reductive peak potential. The wave shapes 

obtained, especially in the case of Ca2+, were not as well-defined as in previous 

experiments.  

 

Noticeably, there is a decrease in the reductive peak potential and measured peak 

current in the absence of Ba2+ from the system with KCl. The initial peak potential 

decreases by ~ 50 mV and the peak current decreases by almost a factor of 2; giving      

-0.960 ± 0.005 V and -13.0 ± 0.4 µA respectively, figure 7.21 and 7.22. Even so, 

similar trends were observed in 35 salinity conditions as before. Barium remained the 

ion that had the most significant impact on the measured potentials and currents. The 

shifts for both of these parameters were reduced from before; but still larger than the 

other ions at 15.8 ± 0.6 mV decade-1 and 37 ± 2 µA decade-1. 

Figure 7.21 - Plots of Ep versus M2+ concentration for the additions of alkaline-earth 

di – cations to sodium rhodizonate (4 mM) with NaCl (0.6 M) and boric acid (0.1 M) 

in water. 
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Figure 7.22 - Plots of Ip versus M2+ concentration for the additions of alkaline-earth 

di – cations to sodium rhodizonate (4 mM) with NaCl (0.6 M) and boric acid (0.1 M) 

in water. 

 

It was found that strontium gave a similar oxidative shift to that observed for barium, 

whereas calcium was greatly reduced. Therefore, as barium appeared to bind 

preferentially to the rhodizonate, solutions containing a predetermined concentration 

of strontium (0.5 - 4 mM) were produced and tested under the same conditions as 

before. The change in the measured reductive peak potentials and measured peak 

currents with different amounts of barium and strontium present are shown in figure 

7.23 and 7.24 respectively. 
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Figure 7.23 – 3D interference plot the change in peak potential for the addition of 

Ba2+ to sodium rhodizonate (4 mM) with Sr2+ present. 

 

Figure 7.24 – 3D interference plot the change in peak current for the addition of Ba2+ 

to sodium rhodizonate (4 mM) with Sr2+ present. 
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It was observed that at high concentrations of strontium, the change in current with 

respect to barium concentration was greatly diminished. With respects to the change 

in the peak potential, even at high concentrations of strontium, an oxidative shift in 

the peak potential was still observed.  

 

We have observed that this system still gives a measurable oxidative shift in the 

reductive peak potential in conditions of 35 salinity and in the presence of equal 

concentrations of strontium as an interfering ion. Sea water and formation water have 

extremely varied compositions, along with the concentrations of analyte ions being 

significantly different; for example, barium can be found in concentrations up to            

~ 15 mM.19  Therefore, to translate this method into a detection method suitable for 

down - hole applications, the system must be tested in appropriate conditions within 

the laboratory; namely at pH 7 and increased temperatures or pressures.  

 

7.2.4 Application to formation water 

 

 

In formation water, the concentration of barium can reach levels of up to ~ 15 mM. 

Therefore, due to the 1:1 ratio of Ba2+: RZ2-, the concentration of NaRZ used in 

solutions was increased to 16 mM and the pH reduced to pH 7. In addition to this, the 

concentration of boric acid was increased to maintain the same boric acid: NaRz ratio. 

The experiments were performed in an identical way to previously, with sequential 

additions of the alkaline - earth metal ions being added to the de - gassed system. The 

square - wave voltammograms obtained for the addition of barium, strontium and 

calcium nitrate are presented in figure 7.25-7.27. 
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Figure 7.25 – Square-wave voltammograms (f = 25 Hz, A = 0.1 V, Step = 0.05 V) for 

disodium rhodizonate (16 mM) with sequential amounts of calcium nitrate                   

(0.1 - 18 mM) in aqueous KCl (0.1 M) with boric acid (0.4 M) at pH 7. Performed at 

a Au electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) reference 

electrode at 293.15 ± 1 K. 

 

Figure 7.26 – Square-wave voltammograms (f = 25 Hz, A = 0.1 V, Step = 0.05 V) for 

disodium rhodizonate (16 mM) with sequential amounts of strontium nitrate                 

(0.1 - 18 mM) in aqueous KCl (0.1 M) with boric acid (0.4 M) at pH 7. Performed at 

a Au electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) reference 

electrode at 293.15 ± 1 K.  
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Figure 7.27 – Square-wave voltammograms (f = 25 Hz, A = 0.1 V, Step = 0.05 V) for 

disodium rhodizonate (16 mM) with sequential amounts of barium nitrate                     

(0.1 - 18 mM) in aqueous KCl (0.1 M) with boric acid (0.4 M) at pH 7. Performed at 

a Au electrode (3 mm, BAS) with a graphite counter and Ag|AgCl (BAS) reference 

electrode at 293.15 ± 1 K. 

 

 

Greater oxidative shifts in reductive Ep and decreases in Ip were both exhibited for 

the complexation with Ba2+, figure 7.28 and 7.29, at 14.8  0.4 mV decade-1 and                              

85.2  2.7 A decade-1. The response of the system to the addition of Ca2+ and Sr2+ 

was very similar with Ep shifts of 7.7  0.4 mV decade-1 and 9.5  0.4 mV decade-1 

respectively, and Ip decreases of 63.8  1.1 A decade-1 and 64.2  3.4 A decade-1 

respectively. Magnesium produced by far the lowest response in the system for both 

Ep shift, 3.9  0.1 mV decade-1, and Ip decrease, 41.1  1.8 A decade-1. 
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Figure 7.28 - Plots of square wave I forward Ep versus the log of the concentration of 

M2+ (M = Mg, Ca, Sr and Ba) to sodium rhodizonate (16 mM). 

 

Figure 7.29 - Plots of square wave I forward Ip versus the log of the concentration of 

M2+ (M = Mg, Ca, Sr and Ba) to sodium rhodizonate (16 mM). 

 

 

-1 0 1

-160

-120

-80

-40

0

Ip
/

A

[M
2+

]/mM

 Mg

 Ca

 Sr

 Ba

-1 0 1
-1.10

-1.05

-1.00

-0.95

-0.90

-0.85

-0.80

-0.75

E
/V

 v
s 

A
g
|A

g
C

l

[M
2+

]/mM

 Mg

 Ca

 Sr

 Ba



219 

 

 

Previous experiments showed that detection was reliable up to 1:1 metal: ligand ratio; 

therefore, sodium rhodizonate (16 mM) was prepared. Upper and lower limits of Sr2+  

(2 and 8 mM) and Ca2+ (20 and 200 mM) concentrations for formation water were 

added to the NaRZ solution prior to the sequential additions of Ba2+ and measurement 

with square wave voltammetry, figure 7.30. 

 

 

 

The results observed show that Ca2+ significantly hinders the ability of the system to 

detect Ba2+ due to its naturally high concentration in the medium. At the highest 

concentration of Ca2+ the Ip decrease was almost completely negated at                            

3.9  1.2 A decade-1 and only a very small Ep oxidative shift is present at                         

1.5  0.3 mV decade-1. As calcium is so abundant in the environment down-hole, even 

the lowest average concentration showed significant reductions in Ep and Ip shifts of 

4.9  0.3 mV decade-1 and 28.4  4.1 A decade-1 respectively. Sr2+ showed 

significantly less hindrance to the detection of Ba2+ with the biggest deviation seen in 

the Ep oxidative shifts; they decreased to 11.5  0.4 mV decade-1 and                                   

8.1  0.4 mV decade-1 for 2 mM and 8 mM interferences respectively. There were also 

decreases, albeit smaller, in Ip for Sr2+ interferences to 77.6  1.8 A decade-1 and 

60.9  3.7 A decade-1 for 2 mM and 8 mM respectively. 
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Figure 7.30 - Plots of square wave I forward Ep (left) and Ip (right) versus the 

concentration of Ba2+ added to solutions with pre - added strontium (top) and calcium 

(bottom). 

 

 

Figure 7.31 shows a 3-D plot of the peak potential response of rhodizonate for the 

addition of barium (0.1 - 18 mM) to solutions containing a known amount strontium    

(0, 1, 3, 5 and 8 mM). After obtaining the detection curves corresponding to these 

additions, a 3-D surface plot was obtained using a polynomial 2-D model in Origin. 

The formula of this surface allowed a model to be created for the estimation of 

expected peak potentials for solutions of known concentration; and vice versa, the 

estimation of concentrations of analyte from a known peak potential. 
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Figure 7.31 - 3-D surface plot obtained for the reduction potential of rhodizonate        

(16 mM) with additions of barium (0.1 - 16 mM) and interference from strontium                

(1 - 8 mM). 

 

 

Solutions of disodium rhodizonate were prepared in the same way as above with a 

known concentration of strontium nitrate added. This solution was degassed and then 

an known concentration of barium nitrate, but one that was not used previously, was 

added. Using the known concentrations of the two ions a predicted peak potential was 

obtained from the model. Square-wave voltammetry was then performed on the 

solution and the experimental peak potential recorded. These results are compared to 

the predicted peak potentials in table 7.1. It is seen that the polynomial 2-D model 

predicts the peak potential well, with all results within a 5 mV range of expected.    
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Table 7.1 - A table representing the model predicted peak potential and 

experimentally obtained peak potential for barium added to sodium rhodizonate         

(16 mM) with a known strontium interference (2 mM). 

 

[strontium]/ 

mM 

[barium]/ 

mM 

Model Ep/ 

V 

Experimental 

Ep/ V 

Difference in 

model and 

experimental/ 

mV 

2 4.72 -0.918 -0.923 5.0 

2 5.88 -0.904 -0.909 5.0 

2 9.30 -0.862 -0.861 0.1 

2 11.5 -0.833 -0.837 4.0 

2 13.7 -0.806 -0.804 2.0 

2 16.9 -0.773 -0.774 1.0 

 

 

The model exhibited excellent agreement with the experimental values obtained, 

showing that the system is suitable for the determination of barium concentration in 

aqueous samples at pH 7 in the presence of strontium.  

 

Pressure and temperature down-hole will be markedly different to that of a laboratory 

environment. To probe this, the system was tested at a raised temperature (50 C), 

with the square wave reductive IF again being measured. The response in terms of the 

measured current and potential in the conditions described were recorded, figure 7.32. 

The results showed a clear destruction in the ability for the system to detect barium 

cations. Initially, at low concentrations, the same trend was apparent; with the peak 

potential and current remaining constant. Where, in the room temperature 

experiments, a linear decrease in both potential and current was observed; at 50 C, 

there was no linear trend. In addition to this, once 12 mM of barium had been injected 

into the system, there was a complete destruction of the peak; whereas before a peak 

was observed up to 24 mM Ba2+. 

 



223 

 

Figure 7.32 - Plots of square wave I forward Ep (left) and Ip (right) versus the log of 

the concentration of Ba2+ (0.1 - 12 mM) to sodium rhodizonate (16 mM) at 50 C. 

 

This indicates that the system itself is inappropriate for use in an environment as harsh 

as down-hole in an oilfield.    

 

7.3 Conclusions and future work 

 

In this chapter, the rhodizonate dianion was investigated in terms of its suitability for 

the detection of alkaline - earth metal ions in aqueous environments. The cyclic 

voltammetric response of disodium rhodizonate yielded a large oxygen peak at                

~ - 0.6 V after 30 min degassing. In addition to this a single electron, irreversible 

reduction was observed at ~ - 1.05 V. The addition of barium nitrate to the system 

produced an oxidative, linear Nernstian shift of 29.1 ± 0.1 mV decade-1 that was stable 

over a 7 h timeframe. The oxidative shift was accompanied by a decrease in the 

measured peak current. The trend of this decrease was reproducible; however, the 

measured values were not consistent over the same 7 h timeframe. The system gave 

good agreement with the Ksp of barium rhodizonate presented by Pan et al.18 with the 

shift in reductive peak potentials from square wave voltammetry producing a shift 

until 42 ± 1 µM. 

 

The changes in the peak potential and peak current were observed for strontium and 

calcium as well; with the most sensitive response being for barium and least sensitive 

for calcium. The system was tested in artificial sea water conditions at 35 salinity, 
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where the same trends in shifts were observed but with reduced magnitudes. The 

response of the system to barium remained the most sensitive by it was reduced from 

41.6 ± 1.8 mV decade-1 to 15.8 ± 0.6 mV decade-1. In these tests, the response toward 

strontium was similar to that of barium; whereas the response to calcium was 

significantly smaller. The interference of strontium was tested by adding a known 

amount of strontium to the solutions of disodium rhodizonate prior to the addition of 

barium. The shift in peak potential remained for the addition of barium; however, the 

decrease in peak current was greatly diminished.  

 

The system was applied to the application of detection in formation water by 

increasing the concentration of disodium rhodizonate to 16 mM and reducing the pH 

to 7. The same trends were observed in peak potential and peak current, but with a 

reduced magnitude to the original pH 8.5 plots. The shift in peak potentials for barium 

was found to be the most sensitive at 14.8 ± 0.4 mV decade-1. The interference on this 

response for calcium and strontium was tested. Calcium, as it is typically present in 

such large concentrations (> 200 mM) in formation water samples, greatly interfered 

with the response. Strontium however, did not interfere as much and a model was 

produced to predict the concentration of barium present in solution in the presence of 

strontium. This model produced accurate results with all readings being within 5 mV 

of the absolute concentration. The system did not produce accurate results at raised 

temperature (323 K) which means the method is unsuitable for down-hole application. 

 

This system showed some promise toward the detection of alkaline-earth metal ions 

at surface conditions in water samples. More work would need to be done on 

interferences suffered in the different water conditions at room temperature.  
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8 Summary of the thesis 
 

This thesis aimed to develop appropriate sensing chemistry for the electrochemical 

detection of alkaline-earth metal ions in formation water. Accordingly, the first 

chapter outlined the relevance of this work and gave an overview of the methods 

currently used for the determination of alkaline-earth metals in aqueous conditions, 

such as atomic spectroscopy, fluorescence spectroscopy and ion-selective electrodes. 

The common underlying theme through the different sensing methods was the use of 

complexation between ligands and the metal ions. The sensing chemistry routes 

focussed on throughout this thesis also looked to utilise this interaction. The second 

chapter detailed the electrochemical concepts that underpin the subsequent results and 

the third chapter outlined the experimental techniques used throughout this work. 

 

Chapter 4 investigated the reliability of the ferrocene | ferricinium redox couple and 

finds that chloride ions present in the system interferes with it. It is seen that the 

calculated Neff values for ferrocene increases above unity in the presence of chloride 

ions above 10 mM in the case of potassium chloride, 100 mM in the case of strontium 

chloride and 500 mM in the case of barium chloride. Rate constants for these scenarios 

were produced from a simulated DISP1 mechanism, which allowed for the elucidation 

of how many chloride ions were interfering with the ferrocene in each scenario. In this 

way it was found that one chloride was interfering in the case of potassium and 

strontium chloride, whereas three chlorides were interfering in the case of barium 

chloride. This chapter shows that the ferrocene | ferricinium redox couple can be used 

as an internal standard in non-aqueous environments alongside a quasi-reference 

electrode; however, the exact solution composition and conditions must be considered. 

Therefore, any result obtained must be thought of in terms of the system, where each 

component must be scrutinised. 

 

Chapter 5 focussed on the interaction of chlorquinaldol and broquinaldol with 

alkaline-earth metals as a route for detection. Firstly, the voltammetric response of 

chlorquinaldol in acetonitrile was characterised using cyclic voltammetry followed by 

the two quinaldols being characterised in equimolar DMSO/H2O with a DISP2 
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reaction process proposed. This was due to the decrease in apparent diffusion 

coefficients with increasing concentrations on quinaldol. Both ligands produced an 

increase in the Neff values in the presence of barium ions above 10 mM with 

chlorquinaldol producing a larger shift than broquinaldol. It is also demonstrated that 

chlorquinaldol is more sensitive to barium ions over strontium ions and calcium ions. 

 

The use of compounds soluble in aqueous conditions allowed for the use of a reliable 

commercial Ag | AgCl reference electrode. Ferrocenemethanol is a water-soluble 

derivative of ferrocene that interacts with thiols. Chapter 6 explored the EC’ electrode 

mechanism that is present for ferrocenemethanol and tiopronin. It showed how the 

turnover number can be manipulated by changing the solution pH in order to increase 

the reactivity of the tiopronin; with pH 6 giving a turnover number of 2.09 and pH 9 

giving 7.95 (ν = 0.02 V s-1). The introduction of barium ions to the system (above       

10 mM) was shown to reduce the turnover number at pH 6 and pH 9. A greater 

decrease was observed for pH 9 where the reduction in peak current gave a linear trend 

of 7 ± 0.5 μA decade-1 with a LOD of 11 ± 2 mM. 

 

The first two sensing methodologies explored utilised amperometric changes to 

determine the presence of alkaline-earth metal cations. Chapter 7 utilised an entirely 

novel approach to ion sensing by using changes in both the peak potential and current 

to successfully determine the concentration of alkaline-earth metal ions. It looked at 

the voltammetric response of disodium rhodizonate which is a water soluble 

compound that can bind with barium to produce a solid precipitate. This complexation 

is shown to produce a linear Nernstian oxidative shift of 29.1 ± 0.1 mV decade-1 in the 

reductive peak potentials and a decrease in the peak current. The results showed good 

agreement with the Ksp value reported in literature of 42 ± 1 μM. The system exhibited 

the ability to detect alkaline-earth metal cations in this way at pH 8.5 (sea water),        

pH 7 (formation water) and at 35 % salinity (sea water). It was shown that the disodium 

rhodizonate was more sensitive to the addition of barium ions over strontium ions and 

calcium ions. A 3-D model was produced that allowed for the prediction of barium 

ion concentration in samples containing strontium ions as an interfering substance. 

This model produced good results with every test sample producing a peak potential 

within 5 mV of the true value.  
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9 Future work 
 
This thesis investigated three different methods of sensing chemistry for the 

determination of alkaline-earth metal ions. The first two, chlorquinaldol and tiopronin, 

both produced results that showed the determination of barium ions was possible. 

However, neither of them could achieve this at a low enough concentration to be used 

for the desired application. The system that used disodium rhodizonate produced good 

results at appropriate concentration levels to be used. It was found that this system was 

only suitable to ambient temperature sensing. More interference studies would need 

to be done using this system to determine whether it is suitable for use in a sensing 

system. In addition to this work would need to be done to work out how to apply this 

sensing chemistry to a full sensing platform for use in water samples. Problems could 

be encountered due to the precipitation present upon complexation. 

 
 

 


