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ABSTRACT 
 

A novel process involving the in-situ electrochemical generation of ferrate and permanganate oxidants, in 

circumneutral conditions, from low concentration aqueous iron (Fe2+) and manganese (Mn2+), is 

investigated for the treatment of ubiquitous and recalcitrant micro-pollutants, atrazine and perfluorooctane 

sulfonate (PFOS). The present study first investigated the electro-generation of both ferrate and 

permanganate in the absence of pollutants, in order to reveal the effect of current density (10, 40 and 80 

mA cm-2) and initial Fe2+ and Mn2+ concentrations (9-182 µM) on oxidant generation. Subsequently, the 

efficacy of both electro-oxidation (EO), and the simultaneous electro-oxidation and ferrate/permanganate 

generation and oxidation, on atrazine and PFOS degradation was investigated, as a potential treatment 

technology for small system applications.  

 

Ferrate and permanganate synthesis was clearly observed but was largely unaffected by current density, 

indicating mass transport limitations. In contrast, synthesis was affected by the initial iron/manganese 

concentrations, with 0.4-18.4 µM ferrate generated from initial Fe2+ concentrations of 9-179 µM, and 0.09-

0.84 µM permanganate generated from initial Mn2+ concentrations of 55-182 µM, respectively.  

 

When operating under simultaneous EO and ferrate/permanganate oxidation, atrazine degradation exceeded 

that of the EO-only process. Depending on the current density and initial iron/manganese concentration, an 

atrazine removal of 33-75%, 35-82% and 36-77% was yielded during EO, EO-ferrate and EO-

permanganate processes, respectively, and characterised by pseudo-first-order kinetics. Under the same 

conditions, PFOS was observed to decrease by 22-35% and 34-65% during the EO and EO-ferrate 

processes, respectively, with no increased degradation during the EO-permanganate process. Unlike 

atrazine, PFOS degradation was observed to follow mixed-order (zero and first) reaction kinetics. 

 

The effect of natural organic matter (NOM) on atrazine and PFOS degradation was also investigated. 

Ferrate was observed to be significantly scavenged by resorcinol, a representative small molecular weight 

NOM compound, resulting in decreased atrazine removal. The use of a real-water lyophilised NOM, 

however, yielded increased PFOS removal due to physical adsorption by hydrophobic interactions.  
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1. INTRODUCTION 

 

 

1.1  Research Motivation 

 

While numerous water and wastewater treatment technologies exist to remediate even the most polluted 

waters, conventional processes can often be unsuitable for small, remote and decentralised system 

applications. The impracticality of conventional, centralised technologies and processes is associated with 

the lack of economy-of-scale, availability of trained operators, and/or the inaccessibility and cost to 

transport necessary process supplies, such as coagulant and chemical oxidants (Rupp, 2001). 

Electrochemical water treatment technologies, although not currently widely adopted, present an interesting 

and promising alternative to conventional processes for these niche applications, as they can eliminate the 

chemical supply chain associated with conventional treatment processes through the electrochemical 

generation of process chemicals, on-site and on-demand. While technologies like electrocoagulation have 

been shown to be promising for remote drinking water system applications for both organic and inorganic 

contaminants (Amrose et al., 2014; McBeath et al., 2020a), the process of electrochemical oxidation 

(electro-oxidation, EO) has not yet received the same degree of attention. One particular electrode material, 

which has been widely observed to effectively treat a number of common raw water pollutants through 

electro-oxidation, is boron-doped diamond (BDD), and this may be a suitable option for remote and small 

system applications. 

 

An ever-growing concern for vulnerable communities with limited treatment processes, like those typical 

of small and remote systems, is the prevalence of organic micro-pollutants, such as pesticides and industrial 

chemicals, in raw water sources. These contaminants have been found to be ubiquitous in natural 

waterways, accumulating in both ground and surface water supplies, originating from many sources 

including agricultural runoff, road runoff, wastewater effluents and atmospheric fallout, amongst other 

routes (Gray, 2008). Due to a sharp increase in production of new organic chemicals since the mid-twentieth 

century, many drinking water treatment processes were not adequately designed to address this influx of 

micro-pollutants. As a consequence, some 300+ organic pollutants were found to be present in drinking 
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water samples in the United Kingdom in the 1970s (Fielding et al., 1981). As these micro-pollutants 

continue to accumulate in surface and groundwater used as drinking water supplies, appropriate treatment 

technologies need to be considered. This is particularly true for small, remote and under-developed 

communities lacking sophisticated drinking water treatment processes, which can adequately address this 

issue of micro-pollutants.  

 

While EO has traditionally proceeded via direct electron transfer at the electrode surface, the development 

of powerful high oxygen overpotential (HOP), non-active electrode materials like BDD has enabled the 

technology to better address many of the aforementioned ubiquitous micro-pollutant contaminants. In 

particular, materials like BDD have enabled the EO process to become vastly more efficient due to the 

increased potential range (reduction and oxidation) of water stability: -1.25–2.3 VSHE (Kraft, 2007). This 

minimises the oxygen evolution reaction (OER) and facilitates the generation of hydroxyl radicals (•OH) in 

circumneutral pH conditions. Although the primary mechanism of micro-pollutant degradation has been 

associated with •OH during BDD EO (McBeath et al., 2019), oxidation is limited to the electrode surface 

where radicals are generated and weakly adsorbed (Zhu et al., 2008), rendering the technology a point-

source application for oxidation/disinfection. However, a potentially important component yet to be fully 

exploited is the •OH-mediated oxidation and simultaneous synthesis of chemical oxidants from dissolved 

species in solution (e.g. Fe2+, Mn2+, Cl-) for downstream oxidation/disinfection throughout the distribution 

system (Martínez-Huitle and Panizza, 2018). While the generation of oxidant species like persulfate (E0 = 

+1.96 VSHE) (de Freitas Araújo et al., 2020), peroxodiphosphate (E0 = +2.07 VSHE) (Sánchez et al., 2013) 

and various chlorine species (Mostafa et al., 2018) have been observed to increase micro-pollutant 

degradation rates (Özcan et al., 2008), some drawbacks include a decrease in mineralisation rates due to 

the formation of potentially harmful recalcitrant chlorinated disinfection by-products (Murugananthan et 

al., 2011). 

 

A particularly novel consideration yet to receive the same attention is the circumneutral generation of 

powerful iron and manganese-based oxidants, namely ferrate(VI) (Fe6+, FeO4
2-) and permanganate(VII) 

(Mn7+, MnO4
-). Both ferrate and permanganate are known to have high redox potentials (E0

Fe(VI)
 = +2.2 

VSHE, E0
Mn(VII)

 = +1.5 VSHE), with non-toxic reduction products (e.g., hydrolysis species of Fe3+ and Mn3+), 

whereby the former has been observed to function as an effective coagulant chemical for further treatment 

(Jiang et al., 2018; Tien et al., 2008). Ferrate and permanganate are already both used in water and 

wastewater treatment applications, dosed in their salt form of potassium ferrate (K2FeO4) and potassium 

permanganate (KMnO4), respectively. Ferrate has been used in water and wastewater processes for the 

treatment of many organic and inorganic contaminants, microorganisms and colloidal particulate matter 
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and turbidity, as both an oxidant and coagulant chemical (Jiang and Lloyd, 2002; Sharma, 2002). Potassium 

permanganate has been used for the control and oxidation of various contaminants including taste and odour 

compounds (Omoike and Harmon, 2019), phenolic compounds (Jiang et al., 2014), pesticide and antibiotic 

organic micro-pollutants (Hu et al., 2011, 2010; Liu et al., 2009), algal toxins (Rodríguez et al., 2007) and 

heavy metals (Qi and Xie, 2018). Permanganate is also widely used as a pre-oxidant for the management 

and removal of soluble manganese(II) (Carlson and Knocke, 1999; Van Benschoten and Lin, 1992; Yu et 

al., 2015) and iron(II) (Cleasby, 1975).  

 

While the conventional synthesis processes and stability of ferrate and permanganate have limited their 

widescale adoption in the water and wastewater industry, the use of HOP materials like BDD may provide 

a novel reaction pathway for their circumneutral electrosynthesis from low concentration, low oxidation 

state iron (Fe2+) and manganese (Mn2+). In doing so, an opportunity to exploit aqueous iron and manganese 

species already present in a raw water matrix during conventional EO processes can be realised. This novel 

simultaneous process would involve both the conventional direct, and hydroxyl radical mediated, oxidation 

at the electrode surface, as well as the synthesis of highly oxidative ferrate and permanganate species for 

further residual oxidation downstream and within the bulk water solution. 

 

In this study, the electrochemical generation of ferrate and permanganate from low oxidation, low 

concentration iron and manganese in circumneutral conditions was investigated. The effect of operating 

variables, like current density and initial iron and manganese concentration, on ferrate and permanganate 

generation is investigated, respectively. To assess the efficacy of the oxidant generation process for water 

treatment applications, the subsequent treatment of two relevant and problematic target contaminants, 

namely atrazine and perfluorooctane sulfonate (PFOS), was pursued. The separate effects on pollutant 

degradation by EO, electro-ferrate and electro-permanganate oxidation, and the simultaneous EO and 

electro-ferrate/permanganate process, were evaluated. 

 

 

1.2 Research Objectives 

 

The primary motivation of this study was to develop a novel water treatment technology and process that 

may be better suited for small, remote and/or decentralised system applications, to address some of the 

challenges putting the security of small and remote communities’ access to potable water at risk. In doing 

so, two high level research objectives were established: (1) develop a novel electrochemical reaction 

pathway for ferrate and permanganate oxidant synthesis, in circumneutral pH conditions, using low 



 - 4 - 

oxidation state, low concentration aqueous iron and manganese via BDD electrochemical oxidation, and 

subsequently, (2) evaluate the combined EO and oxidant generation system and its applicability, in a water 

treatment context, to degrade model organic pollutant compounds, namely atrazine and PFOS. In order to 

thoroughly address the two aforementioned general research objectives, several specific research goals were 

developed. With respect to objective (1), the following research goals were pursued: 

• Evaluate the feasibility of the novel electrochemical reaction pathway for ferrate and permanganate 

in circumneutral pH conditions from low concentration iron (Fe2+) and manganese (Mn2+). 

• Understand how operating conditions, namely current density (j) and initial Fe2+/Mn2+ 

concentration, effect the generation of ferrate and permanganate. 

• Develop a mathematical model which can describe the electrosynthesis process, in order to confirm 

laboratory derived results with those which would be expected by theory.  

• Elucidate the synthesis mechanism, to better understand the oxidant generation pathway (direct 

oxidation versus •OH-mediated oxidation).  

 

The specific research goals addressed for objective (2) were as follows: 

• Evaluate the effectiveness of the EO process, with and without the added electro-generation effect, 

on two pollutant compounds (atrazine and PFOS).  

• Understand how operating conditions, namely current density and initial Fe2+/Mn2+ concentration, 

affect the degradation and mineralisation of atrazine and PFOS. 

• Elucidate the pollutant oxidation pathway and identify the prevalent oxidation by-products formed 

during both the EO and EO-ferrate/permanganate process. 

• Understand the oxidant scavenging effect of co-occurring dissolved organic raw water constituents 

using two analogue compounds, namely resorcinol and river extracted (by reverse osmosis (RO) 

isolation) natural organic matter (NOM).  

 

 

1.3 Thesis Structure 

 

Following this introductory chapter (Chapter 1), which outlines the motivation and objectives of the 

research, is a critical literature review relevant to the presented study in the thesis (Chapter 2). In particular, 

the previous research related to both the BDD electro-oxidation process and electrochemical synthesis of 

oxidant species for water treatment applications, as well as the electrochemical and chemical degradation 

of the target pollutants used in this study is included. Relevant literature related to both ferrate and 

permanganate synthesis and oxidation processes is also reviewed. Chapter 3 presents a detailed summary 
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of the methods and materials used throughout the entirety of the research, including experimental apparatus 

and setup, material and solution preparation, experimental procedures and analytical techniques. 

Supplemental information related to Chapter 3 is also presented in Appendices A, B and C, which provide 

detailed information into reactor design considerations, experimental solution and reagent preparation, and 

analytical method analysis, respectively.  

 

Chapters 4 to 6 present the results yielded from the oxidant generation and pollutant degradation studies. 

Chapter 4 presents data related to the evaluation of the electrochemical reactor design and BDD 

characterisation. Additionally, research dedicated to the electrosynthesis of ferrate and permanganate 

oxidants from low cationic state iron and manganese, respectively, is detailed. Using the data from the 

electro-synthesis study, the electro-oxidation investigation of two target pollutants (atrazine and PFOS), 

with and without the added degradative effect of ferrate and permanganate synthesis is detailed in Chapter 

5. Using the results from Chapter 5, further PFOS degradation studies in a more complex water matrix, 

representative of a raw water source, were pursued and are presented in Chapter 6. The primary objective 

of Chapter 6 was to understand the oxidant scavenging effect of dissolved organic matter, to better elucidate 

the applicability of the technology in a real-world application. Finally, a general discussion is presented in 

Chapter 7, which includes the high-level impact of the results of the study and their novel contributions to 

scientific knowledge, as well as recommendations and future research opportunities. Chapter 8 provides a 

summary of the work and conclusions based on the research presented in Chapters 4-6.   

 

The results in the thesis are presented in chronological order of how they were completed, which is logical 

to the building of knowledge necessary for each step of the study. Presented first is the characterisation of 

the electrochemical cell and BDD anode, which was an essential basis for the oxidant generation 

investigation, which is presented next. Results from the oxidant generation study give a fundamental 

understanding of the electrochemical process, which is necessary when evaluating and understanding the 

pollutant degradation study (in a highly controlled clean water matrix). Finally, after a thorough 

understanding of the pollutant(s) degradation in a highly controlled water matrix was yielded, the effect of 

co-occurring organic scavengers was investigated and evaluated. 

 

 
 

Figure 1.1. Workflow diagram of the thesis structure and material covered. 

Electrode/Reactor
Characterisation

(Chapter 4)

Oxidant Synthesis
EO Fe(VI)/Mn(VII) 
generation study

(Chapter 4)

Pollutant EO
EO/Fe(VI)/Mn(VII) 

degradation
(Chapter 5)

Real Waters
EO degradation in 

NOM-waters
(Chapter 6)
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1.4 Published Works and Conference Presentations 

 

Multiple peer-reviewed published works have arisen from the research completed in this study, including 

two review papers, one analytical methods paper and four research articles (with an additional research 

article currently under review). Much of the data and results presented in this thesis is included in the 

aforementioned published papers. In particular, portions of Chapter 2 have been published in a scientific 

journal as a critical review (McBeath et al., 2019), as well as an invited author mini review (McBeath et al., 

2021), as follows: 

 

McBeath, S. T., Wilkinson, D. P., Graham, N. J. D. (2019). Application of boron-doped diamond 

electrodes for the anodic oxidation of pesticide micropollutants in a water treatment process: a 

critical review. Environmental Science: Water Research & Technology, 5(12): 2090-2107 

McBeath, S. T., English, J. T., Wilkinson, D. P., Graham, N. J. D. (2021). Circumneutral 

electrosynthesis of ferrate oxidant: An emerging technology for small, remote and decentralised 

water treatment applications. Current Opinion in Electrochemistry, 27: 100680.  

 

In Chapter 3, the development of a novel analytical technique for permanganate quantification was 

presented. In developing this analytical method, in addition to two other alternative quantification methods 

(presented in Appendix C), a manuscript was written and published in a peer-reviewed scientific journal 

(McBeath et al., 2020c): 

 

McBeath, S. T., Wilkinson, D. P., Graham, N. J. D. (2020). Analytical quantification of aqueous 

permanganate: Direct and indirect spectrophotometric determination for water treatment 

processes. Chemosphere, 251: 126626. 

 

The work dedicated to ferrate (McBeath et al., 2020d), and permanganate (McBeath et al., 2020e), 

generation was developed into two journal papers, related to the respective oxidant species. The latter 

publication (permanganate synthesis) was selected by the journal’s handling editor as one of the top 10% 

papers published in Environmental Science: Water Research & Technology, based on “exceptionally 

positive referee reports that [the] manuscript received during peer review, along with the Editor’s 

assessment of the significance and impact of the paper”. Moreover, portions of the work in Chapter 4 were 

formally presented at the International Water Association (IWA) Leading Edge Technology (LET) 

Conference 2019 (Edinburgh, Scotland), as both a short oral presentation and poster presentation. The two 

papers adapted into Chapter 4 are as follows: 
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McBeath, S. T., Wilkinson, D. P., Graham, N. J. D. (2020). Exploiting water contaminants: In-situ 

electrochemical generation of ferrate using ambient raw water iron (Fe2+). Journal of 

Environmental Chemical Engineering, 8(4): 103834. 

McBeath, S. T., Wilkinson, D. P., Graham, N. J. D. (2020). Advanced electrochemical oxidation for 

the simultaneous removal of manganese and generation of permanganate oxidant. Environmental 

Science: Water Research & Technology, 6: 2405-2415.  

 

Portions of the work in Chapter 5 were formally presented as both an oral and poster presentation at an 

international conference, ELO.WatR International Workshop on Advanced Electrochemical Oxidation for 

Water Reuse 2020 (Nancy, France), which was made virtual due to COVID-19 travel restrictions. 

Additionally, three manuscripts have been prepared and submitted for peer-review publication, related to 

the materials presented in both Chapters 5 and 6. One manuscript related to PFOS degradation is currently 

under peer review, however, the two manuscripts related to the degradation of atrazine via ferrate (McBeath 

and Graham, 2021a) and permanganate (McBeath and Graham, 2021b), respectively, have already been 

published:  

 

McBeath, S. T., Graham, N.J.D. (2021). Simultaneous electrochemical oxidation and ferrate 

generation for the treatment of atrazine: A novel process for water treatment applications. Journal 

of Hazardous Materials, 411: 125167.  

McBeath, S. T., Graham, N. J. D. (2021). In-situ electrochemical generation of permanganate for the 

treatment of atrazine. Separation and Purification Technology, 206: 118252.  
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2. LITERATURE REVIEW 

 

 

2.1  Chapter Introduction 

 

This chapter provides a thorough and critical review of the relevant literature related to the study presented 

in this thesis. The literature review will cover the background information and important aspects of electro-

oxidation for water treatment applications, BDD science and applications in electro-oxidation, ferrate and 

permanganate synthesis and oxidation applications, as well as EO treatment of micro-pollutants, 

specifically atrazine and PFOS. Finally, gaps in the literature will be identified and summarised, to provide 

relevance to the current study.  

 

 

2.2 Electro-Oxidation Overview 

 

Electrochemical oxidation, also known as electro-oxidation (EO) or anodic oxidation, in a water and 

wastewater treatment context is the process by which an electrochemical electrolysis cell in water facilitates 

the in-situ oxidation of pollutants by an anode half-cell reaction. The other half-cell (reduction) reaction at 

the cathode is often times comparatively unimportant during the EO process, as long as the full cell reaction 

is unhindered by cathodic reaction limitations, however, coupled (anodic and cathodic) processes have 

previously been explored (Carlos A. Martínez-Huitle et al., 2015). Similar to conventional oxidation 

processes, like ozone or hypochlorite addition for chemical destruction of pollutant species, EO provides 

an electrochemical oxidation reaction without the need for addition of process chemicals. Since its 

pioneering studies for wastewater treatment applications in the 1970s, EO technology has advanced 

substantially with the development of more efficient and stable electrode materials (Martínez-Huitle and 

Ferro, 2006; Panizza and Cerisola, 2009).  

 

The EO degradation pathway of organic species can proceed in two ways: (1) by chemical conversion, 

whereby a pollutant compound is oxidised and one or more oxidation by-products remain, or (2) by 
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complete mineralisation, whereby the pollutant compound and oxidation by-products are completely 

degraded to CO2, H2O and inorganic anion and/or cation species. For either degradation fate, anode 

materials are of the utmost importance, as they will dictate much of the reaction kinetics that will take place. 

Efficient electrode materials are those that are physically and chemically stable (resistant to corrosion, 

erosion and passivation/fouling), provide heightened catalytic activities and reactions sites, have a high 

conductivity (to reduce electrical resistance), can achieve high current densities and Tafel slopes, which 

describe the rate of electrochemical reaction to the applied electrical overpotential, as well as high reaction 

selectivity (Grimm et al., 1998). In particular, anode material selectivity should favour the oxidation 

reaction with pollutant species, while minimising the selectivity of water electrolysis to form oxygen, 

known as the oxygen evolution reaction (OER): 

 

 2H2O → O2 + 4H+ + 4e- [R.1] 

 

The most extensively researched materials for EO applications in water and wastewater applications, which 

meet the aforementioned criteria to varying degrees, include titanium (Ti), platinum (Pt), graphite, lead (Pb) 

and lead dioxide (PbO2) and other mixed metal oxides, also known as dimensionally stable anodes (DSA), 

like tin(IV) oxide (SnO2), iridium (IV) oxide (IrO2), ruthenium (IV) oxide (RuO2) or titanium dioxide (TiO2) 

(Särkkä et al., 2015). While each of these electrode materials have their relative advantages and 

disadvantages in a water treatment context (Grimm et al., 1998; Martínez-Huitle and Ferro, 2006; Panizza 

and Cerisola, 2009; Särkkä et al., 2015), their OER potential is an accurate indicator of their selectivity and 

operating potential range which can facilitate the oxidation of pollutant species without the parasitic 

generation of oxygen. Table 2.1 summarises the onset potential of the OER for several anode materials, 

versus a normal hydrogen electrode (NHE).  

 

Table 2.1. Oxygen evolution reaction potential of various anode materials (Anglada et al., 2009). 
 

ANODE MATERIALS POTENTIAL, VNHE 
Pt 1.3-1.6 

IrO2 1.6 
Graphite 1.7 

PbO2 1.9 
SnO2 1.9 
TiO2 2.2 

           Electrolyte: 0.5-1 M H2SO4 

 

One electrode material which exceeds all other materials with respect to anodic water stability range is that 

of boron-doped diamond (BDD), which has been reported as having an OER potential as high as 2.3-2.7 
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VNHE (Anglada et al., 2009). Due to these characteristics, BDD has received much research attention for its 

potential applications in water and wastewater treatment. The following sections will further review the 

available literature dedicated to BDD electrode properties and oxidation processes. 

 

 

2.3  Boron-Doped Diamond Properties and Process 

 

Diamonds and synthetic diamonds were first introduced to the field of electrochemistry in 1987, having 

already captured the attention of the science and engineering community because of their unique chemical 

and physical properties (Pelskov et al., 1987). Since their initial introduction, extensive research and 

development of diamond electrodes have occurred, leading to their wide adoption in various industrial 

applications. The most notable of these applications include electro-analysis and sensing (Chailapakul et 

al., 2006; Ivandini et al., n.d.; Ohnishi et al., 2002; Popa et al., 1999; Rao and Fujishima, 2000), electro-

synthesis (Cañizares et al., 2009, 2007a; Farrell et al., 2005; Ferro et al., 2000; Iniesta et al., 2001b, 2001c; 

Lee et al., 2002; Michaud et al., 2000; Murata et al., 2008; Ruiz et al., 2008; Sáez et al., 2008; Saha et al., 

2004; Serrano et al., 2002; Weiss et al., 2008; Zollinger et al., 2004), as well as water and wastewater 

electro-oxidation treatment.  

 

The role of diamond electrodes in the field of water treatment is of particular interest due of their unique 

set of characteristics, which make them especially suitable for organic compound oxidation and disinfection 

under aqueous conditions. Over the last two decades, a plethora of research highlighting the efficacy of 

BDD electrodes to degrade and mineralise organic compounds has been published. Of these studies, 

wastewater contaminants are the mostly widely available, but others have concerned micro-pollutants that 

are commonly detected in natural waters and of toxicological significance to drinking water supplies. The 

following sections highlight the BDD properties and processes relevant to their application in water 

treatment processes.  

 

 

2.3.1  Properties and Preparation 

 

Boron-doped diamond electrodes have been widely investigated for the treatment of a number of 

wastewater contaminants in aqueous systems, as their properties are particularly well suited for this 

application. Although diamond is inherently non-conductive, dopants are added to produce conductive 

electrodes. Boron is the most widely used dopant for diamond electrodes because of its low charge carrier 
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activation energy (Haenni et al., 2004). As the doping concentration of an electrode increases, its electrical 

resistivity decreases (Fryda et al., 1999). At low boron doping concentrations around 108 atoms per cm3 

(resistance ≈ 104 Ω cm) an electrode will behave as a semiconductor, however as the concentration of the 

boron increases to higher levels around 1020-1021 atoms per cm3 (resistance ≈ 10-3 Ω cm), the electrode will 

behave as a semi-metal (Haenni et al., 2004; Panizza and Cerisola, 2005).  

 

Of particular importance is that BDD electrodes are reported to have the greatest electrical potential range 

before water decomposition: -1.25 to 2.7 VSHE (Anglada et al., 2009; Kraft, 2007; Martin et al., 1996), 

measured versus a standard hydrogen electrode (SHE), an electrochemical reference for hall-cell potential 

reactions.  This relatively large potential range allows for high current efficiency for the oxidation of organic 

compounds in aqueous environments, while minimising the parasitic oxygen evolution (R.1) and hydrogen 

evolution reactions (R.2) (Fryda et al., 1999): 

 

 2H2O + 2e- → H2 + 2OH-  [R.2] 

 

This potential range has been observed to decrease with lower quality electrodes, being dictated ultimately 

by the sp3/sp2 carbon ratio (Martin et al., 1996). When greater sp2 (graphite) impurities in the sp3 (diamond) 

electrode exist, the current efficiency for organic compound degradation decreases as the extent of direct 

oxidation associated with sp2 increases (Cañizares et al., 2008; Guinea et al., 2009; Souza et al., 2016). 

Owing to their high overpotential electrochemical characteristics, BDD electrodes effectively produce 

hydroxyl radicals (•OH) in aqueous conditions (R.3) (Marselli et al., 2003; Panizza and Cerisola, 2005; 

Santana et al., 2005), as follows: 

 

 BDD + H2O → BDD( •OH ) + H+ + e- [R.3] 

 

When compared to other high overpotential electrodes like titanium, lead dioxide and tin dioxide, BDD 

anodes have been found to exhibit greater organic compound mineralisation. This phenomenon is attributed 

to another unique characteristic of BDD electrodes, which is that the hydroxyl radicals are generated to a 

greater extent and are only weakly adsorbed to the electrode surface allowing greater concentrations of 

radicals in solution (Zhu et al., 2008). Thus, unlike other high oxygen overpotential anode materials, organic 

mineralisation with BDD electrodes has been attributed primarily to weakly adsorbed hydroxyl radicals, 

which interact more effectively with contaminants than those (radicals) strongly adsorbed on the electrode 

surface. 
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BDD electrodes are also characterized by their durability and resistance to degradation under chemically-, 

mechanically- and thermally- harsh conditions (Chen et al., 1997; Fryda et al., 2003; Kraft, 2007; Panizza 

and Cerisola, 2005; Rao and Fujishima, 2000); a characteristic attributed to the morphology of diamond. 

The hydrogen termination of diamond electrodes results in a highly hydrophobic surface and therefore an 

inert and low-adsorption characteristic, which is resistant to electrode deactivation. BDD electrodes have 

also been found to have no significant corrosion in very challenging acidic conditions, under high 

electrochemical loads (Swain, 1994). 

 

Finally, two major methods for BDD electrode preparation exist: chemical vapour deposition (CVD) and 

high pressure, high temperature (HPHT) doped-diamond particle production (Kraft, 2007). The former 

method of BDD preparation is the primarily used technique for this literature review and study.  

 

 

2.3.2  Anodic Oxidation Processes 

 

The anodic oxidation process is strongly dependent on the thermodynamic properties of the electrode 

material. As discussed in the previous section, the electrochemical and thermodynamic properties of BDD 

electrodes make them particularly well-suited for applications in water and wastewater treatment. In 

general, BDD anodic oxidation can proceed in two ways: (1) direct oxidation, and (2) indirect oxidation. 

While direct oxidation proceeds via direct electron transfer at the electrode surface, indirect oxidation can 

proceed via both advanced oxidation (•OH-mediated) at the electrode surface or mediated via generated 

oxidants species. Each anodic oxidation pathway is summarised in the following subsections and 

represented in Figure 2.1.  
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Figure 2.1. Direct and indirect mechanisms for pollutant degradation during BDD electro-oxidation. 

 

 

2.3.2.1  Direct Oxidation 

 

Direct anodic oxidation involves an outer-sphere electron transfer at the surface of the electrode and does 

not involve adsorbed intermediates, usually proceeding in a quasi-reversible manner (Kraft, 2007; van De 

Lagemaat et al., 1999; Vinokur et al., 1996). Many studies have determined that the process of direct 

oxidation is not the primary mechanism of organics oxidation with BDD electrodes, but rather it primarily 

occurs when operating in the electrical potential regime of water stability. When operating potentials 

increase above 2.3 VSHE (Kraft, 2007; Martin et al., 1996), representing a range of water decomposition, 

hydroxyl radicals are observed to form. It is in this potential range that the primary mechanism for organics 

degradation shifts from a direct to indirect oxidation; a mechanism providing much greater pollutant 
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degradation. Moreover, direct oxidative mechanisms are limited to the electrode surface, to which target 

species must diffuse to from the bulk water solutions. This thin layer near the electrode surface is commonly 

represented by the Nernst diffusion layer model, which defines two distinct regions: a stagnant diffusion 

layer located at the electrode-electrolyte interface, known as the Nernst diffusion layer, and the bulk water 

region dominated by convective mass transport (Walsh, 1993). At a constant diffusion layer thickness, the 

rate of diffusion can vary and is described by Fick’s Law of diffusion: 

 

 𝐽! = −𝐷!
𝑑𝐶!
𝑑𝑥

 [Eq.1] 

 

Whereby the diffusive flux, J, is a product of the diffusion coefficient D (diffusivity) of some species i, and 

the concentration gradient of that species (dCi/dx). Therefore, the rate of diffusion increases when the 

species i concentration is increased (Walsh, 1993). Furthermore, the diffusion coefficient (D) can be 

increased by increasing the temperature of the water, consequently increasing the rate of diffusion 

(Benjamin, 2002).  

 

 

2.3.2.2  Indirect Oxidation: Hydroxyl Radical (Advanced Oxidation) 

 

The diamond electrode is a particularly efficient material for anodic oxidation in aqueous applications as it 

has been found that it is primarily mediated through the generation of hydroxyl radicals (•OH) when 

operating above 2.3 VSHE. Based on observed Tafel equation coefficients relating electrochemical reaction 

kinetics and overpotential, it is believed that hydroxyl radicals are formed (R.3) (Panizza and Cerisola, 

2005; Santana et al., 2005). The unwanted oxygen evolution reaction (OER) via water electrolysis is 

minimised with the BDD electrodes (R.1), but can proceed as follows, via reactions [R.4→R.5] or 

[R.6→R.7]: 

 

 •OH ↔ O• + H+ + e- [R.4] 

 2O• ↔ O2 [R.5] 

 

 2•OH ↔ H2O2 [R.6] 

 H2O2 ↔ O2 + 2H+ + 2e- [R.7] 
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As previously discussed, it is the low adsorption properties of hydroxyl radicals on the BDD surface that 

make the electrodes especially efficient for oxidation of organic water contaminants (Zhu et al., 2008).  

 

It is worth noting that BDD anodes have also been applied to electro-Fenton processes (Brillas et al., 2007, 

2004; Guinea et al., 2008; Hammami et al., 2008; Pipi et al., 2014; Sirés et al., 2007). During an electro-

Fenton process, hydrogen peroxide (H2O2) is electrochemically generated by reduction of oxygen (sparged 

into the electrochemical cell) at the cathode. The generated H2O2 oxidises iron(II) to form a hydroxyl radical 

and a hydroxyl ion (OH-), as follows: 

 

 Fe2+ + H2O2 → •OH + OH- + Fe3+ [R.8] 

 

Although the final oxidant product in a Fenton reaction is •OH, this occurs in the bulk water solutions 

(within the Fenton reagent) and not at the anode surface. The principal reaction associated with the anode 

during an electro-Fenton process is conventional hydroxyl radical generation (R.3), like that which occurs 

during non-Fenton aqueous BDD electrolysis. Because the electro-Fenton process is restricted to waters in 

the pH range of 2-4, due to reaction R.8 (Brillas et al., 2009; Carlos Alberto Martínez-Huitle et al., 2015), 

and is also highly dependent on the cathodic reaction (hydrogen production), it will not be extensively 

covered in the literature review of BDD anodic oxidation.  

 

Since hydroxyl radical mediated oxidation is also restricted to the electrode surface (Zhu et al., 2008), like 

that of direct oxidation, as hydroxyl radicals are highly unstable and therefore unable to diffuse across the 

Nernst diffusion layer to interact with water constituents in the bulk water solution, a mass transport limited 

process is expected and consistent with most results reported in the literature (expanded upon in following 

sections). 

 

 

2.3.2.3  Indirect Oxidation: Reactive Oxygen Species 

 

In addition to hydroxyl radical formation, other reactive oxygen species (ROS) are known to be generated 

at or near the electrode surface, aside from the unwanted parasitic OER. The most relevant of these ROS, 

in the context of oxidation processes for water treatment, is the formation of hydrogen peroxide and ozone 

(O3). Similar to the mechanisms leading to the generation of hydroxyl radicals, the synthesis of ROS species 

is expected to occur when operating above potentials of 2.3 VSHE. More than a single reaction path exists 

for the formation of either oxidant (H2O2 or O3), however some mechanisms are believed to be more 
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prevalent than others. In the case of hydrogen peroxide, the generative mechanism can follow reactions 

[R.3→R.6] (Polcaro et al., 2008; Santana et al., 2005), as previously described above, with an overall 

reaction given by [R.9] (Ammar et al., 2006; Flox et al., 2006; Jeong et al., 2006; Michaud et al., 2003; 

Panizza and Cerisola, 2005):   

 

 2H2O → H2O2 + 2H+ + 2e- [R.9] 

 

Ozone has been used as a disinfection treatment as early as the beginning of the twentieth century and its 

synthesis and decomposition have been widely studied (Peleg, 1976). Electrochemically, similar to 

hydrogen peroxide, ozone is competitively generated at the BDD anode surface from reactions involving 

hydroxyl radicals and atomic oxygen produced via [R.4] and [R.10] (Jeong et al., 2006; Michaud et al., 

2003; Polcaro et al., 2008):  

 

 •O + O2 → O3
 [R.10] 

 

The overall reaction for ozone generation from BDD oxidation is as follows (Ammar et al., 2006; Panizza 

and Cerisola, 2005): 

 

 3H2O → O3 + 6H+ + 6e- [R.11] 

 

 

2.3.2.4  Indirect Oxidation: Ion-generated Oxidants 

 

In addition to direct and indirect oxidation associated with generated ROS, some researchers have observed 

oxidation effects attributed to oxidant species generated from inorganic ions already present or added into 

the water matrix. In general, these oxidants are generated when an electrolyte diffuses from the bulk solution 

to the electrode surface, whereby a transfer of electrons is facilitated either directly or indirectly (•OH). In 

some special cases, inorganic ions were found to be liberated from an organic compound and subsequently 

oxidized to form an oxidant species (Zollinger et al., 2004). While oxidant generation from bromide 

(Cañizares et al., 2009) and nitrate (Bergmann and Rollin, 2007) have been reported, oxidant formation 

from carbonate (Cañizares et al., 2005c, 2004b, 2004c, 2002; Furuta et al., 2004; Hagans et al., 2001; 

Panizza et al., 2001; Saha et al., 2003), chloride (Bergmann et al., 2009; Bergmann and Rollin, 2007; 

Boudreau et al., 2010; Cañizares et al., 2009, 2006, 2005a, 2004a, 2003; Furuta et al., 2004; Lissens et al., 

2003; Panizza et al., 2016; Polcaro et al., 2009, 2008; Wu et al., 2009), phosphate (Cañizares et al., 2009, 
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2005b; Costa et al., 2009) and sulfate are the most prevalently described in the literature. The generation of 

inorganic species such as nitrate can be hindered, however, when operating at high current densities, 

through the subsequent formation of N2 and other nitrogen species (NOX
-) (Zazou et al., 2015). When sulfate 

is present in the water matrix in high enough concentrations, peroxodisulfate formation can be observed. 

Generation can be due to direct oxidation on the BDD surface by reactions [R.12] and [R.13] (Cañizares et 

al., 2007b): 

 

 2HSO4
- → S2O8

2- + 2H+ + 2e- [R.12] 

 2SO4
2- → S2O8

2- + 2e- [R.13] 

 

Alternatively, peroxodisulfate can be formed by indirect oxidation [R.14→ R.15], facilitated by the anodic 

synthesis of hydroxyl radicals (Cañizares et al., 2007b; Serrano et al., 2002): 

 

 HSO4
- + OH• → SO4

-• + H2O [R.14] 

 SO4
-• + SO4

- → S2O8
2- [R.15] 

 

When adequate concentrations of phosphate are present in the water, peroxodiphosphate ([R.16→R.17]) 

and monoperoxophosphoric ([R.18]) acid production have been observed (Cañizares et al., 2009): 

 

 PO4
3- → (PO4

2-)• + e- [R.16] 

 2(PO4
2-)• → P2O8

4- [R.17] 

 (H2PO4)• + •OH → H3PO5
 [R.18] 

 

When anodic oxidation with BDDs is performed in solutions containing appreciable concentrations of 

chloride, a variety of chloride-based oxidants can be produced. Among the more stable oxidants formed, 

those of particular interest in a water treatment context are hypochlorite [R.19] and perchlorate 

[R.19→R.20→R.21→R.22](Cañizares et al., 2009; Zazou et al., 2019). Moreover, both hypochlorite and 

perchlorate, in neutral pH conditions, may form partially protonated acids (e.g., ClO- forming an 

equilibrium with HClO), which can be a stronger oxidant species when compared to the non-protonated 

form.  

 

 Cl- + •OH→ ClO- + H+ + e- [R.19] 

 ClO- + •OH→ ClO2
- + H+ + e- [R.20] 
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 ClO2
- + •OH→ ClO3

- + H+ + e- [R.21] 

 ClO3
- + •OH→ ClO4

- + H+ + e- [R.22] 

 

The generation of sodium peroxycarbonate (Saha et al., 2003) and peroxodicarbonate (Furuta et al., 2004), 

have also been observed during anodic oxidation with BDD electrodes with waters containing sodium 

carbonate. While no research currently exists in the literature, the formation of carbonate radicals may also 

occur with other common carbonate species found in surface waters, like calcium and magnesium 

bicarbonate. Although reactive chlorine species have been previously observed to increase micro-pollutant 

degradation rates during BDD EO (Özcan et al., 2008), they have also been associated with decreased 

mineralisation rates due to the formation of recalcitrant chlorinated by-products (Murugananthan et al., 

2011). 

 

A particularly under-researched area of BDD electro-generation of oxidants species, is that of ferrate and 

permanganate formation from low oxidation state iron and manganese cations, respectively. Like the 

previously described co-occurring solutes which can give rise to oxidant species, both aqueous iron (Fe2+) 

and manganese (Mn2+) can give rise to high redox potential degradative species. The electrochemical 

formation of iron and manganese-based oxidants is further described in Section 2.5. 

 

 

2.4  Boron-Doped Diamond Electro-Oxidation Water Treatment 

 

The following sections provide a comprehensive critical review of the published literature concerning the 

BDD anodic electro-oxidation of persistent organic micro-pollutants commonly found in natural waters. 

The majority of BDD EO research for drinking water treatment has been directed towards the degradation 

of pesticide and herbicide compounds. More recent research has investigated the use of BDD EO for the 

abatement of per- and polyfluoroalkyl substances (PFAS). A more general review of the important BDD 

EO literature will first be presented to give the necessary background information regarding the degradation 

kinetics typical of BDD EO, the effect of operating variables and environmental conditions such as 

temperature, flow rate, pH and contaminant concentration on degradation, the role of ion-generated oxidant 

formation on the remediation of the pollutants, as well as the scavenging effect of NOM during the BDD 

EO process. Unless specified, the following discussion concerns the degradation of the parent pollutant 

compound and not the complete mineralisation of the organic species. A summary of all contaminant 

compounds discussed in this section is presented in Table 2.2, in addition to the treatment variables and 
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conditions that were investigated. Following this more general review, will be a critical literature review 

specific to the two target pollutant compounds used in this study (atrazine and PFOS).  

 

Table 2.2. Summary of BDD EO studies of organic pollutant degradation for water treatment processes. 

POLLUTANT COMPOUND  VARIABLES/CONDITIONS & PHENOMENA INVESTIGATED 
2,4,5-Trichlorophenoxyacetic 

Acid (Brillas et al., 2004; Zazou et al., 
2017) 

 Current density (12-21mA/cm2), kinetics, reaction pathway (Zazou et al., 2017); Current 
density (33-150mA/cm2), anodic oxidation vs. electro-Fenton (Brillas et al., 2004) 

2,6-Dichlorobenzamide (BAM) 
(Madsen et al., 2015, 2014) 

 Electrolyte ([NaCl]); BDD vs. Ti/Pt anode; oxidation pathway 

2,4-Dichlorophenoxyacetic Acid 
(Brillas et al., 2004)  Current density (33-150 mA/cm2); anodic oxidation vs. electro-Fenton 

4-Chlorophenoxyacetic Acid 
(Boye et al., 2002; Brillas et al., 2004) 

 Current density (33-150 mA/cm2), anodic oxidation vs. electro-Fenton 

4-Methylpyrimidine 
(Errami et al., 2012b) 

 Electrolyte (NaCl, Na2SO4, NaOH), current density (10-30 mA/cm2), temperature (25-
55°C) 

Amitrol 
(Da Pozzo et al., 2005) 

 Current density (33-150 mA/cm2), anodic oxidation vs. electro-Fenton; BDD vs. Pt 
electrode 

Atrazine/Cyanuric Acid 
(Komtchou et al., 2017; Malpass et al., 

2013; Polcaro et al., 2005)  

 Electrolyte (Na2SO4, NaCl), current density (5-50 mA/cm2) (Malpass et al., 2013); pH 
(3,7,8), electrolyte (NaH2PO4, NaOH, HClO2, H2SO4) (Polcaro et al., 2005) 

Bentazon 
(Abdessalem et al., 2010) 

 pH (3,7,12); kinetics, mineralisation efficiency, inorganic generation 

Bupirimate 
(Errami et al., 2012a) 

 Electrolyte ([NaCl]), current density (40-80 mA/cm2); temperature (25-65°C) 

Buprofezin 
(Errami et al., 2013) 

 Electrolyte (Na2SO4, NaCl, Na2CO3); current density (20-60 mA/cm2); pH (2, 5, 7, 10); 
[Pollutant] (15-45 mg/L) 

Carbendazim 
(Bouya et al., 2014) 

 Electrolyte ([NaCl]), current density (20-60 mA/cm2); [Pollutant] 

Carbofuran 
(Abdessalem et al., 2010) 

 pH (3,7,12); kinetics, mineralisation efficiency, inorganic generation 

Chlorobenzene 
(Zazou et al., 2016) 

 Electrolyte (Na2SO4, NaCl); current density (4-21 mA/cm2); anodic oxidation vs. electro-
Fenton; BDD vs. Pt; kinetics, mineralisation efficiency, inorganic generation 

Chlorpyrifos 
(Samet et al., 2010) 

 Current density (10-30 mA/cm2); [Pollutant] (115-450 mg/L); temperature (30-70°C) 

Chlortoluron 
(Abdessalem et al., 2010) 

 pH (3,7,12); kinetics, mineralisation efficiency, inorganic generation 

Cypermethrin 
(Bouya et al., 2012) 

 Electrolyte ([NaCl]); current density (40-80 mA/cm2); [Pollutant] (25-75 mg/L); BDD vs. 
SnO2 anode 

Deltamethrin 
(Errami et al., 2012c) 

 Electrolyte ([NaCl]); current density (20-60 mA/cm2) 

Dichloroprop 
(Brillas et al., 2007) 

 Current density (33-150 mA/cm2); anodic oxidation vs. electro-Fenton; BDD vs. Pt 
electrode 

Difenoconazole 
(Mouden et al., 2012) 

 Electrolyte ([NaCl]); current density (40-80 mA/cm2); [Pollutant] (75-200 mg/L); pH (3, 6, 
10) 

Dimethoate 
(Aimer et al., 2019a, 2017a) 

 Electrolyte (Na2SO4, KNO3, KCl), current density 

Diuron 
(Pipi et al., 2014; Polcaro et al., 2004) 

  Current density (15-50 mA/cm2), flow rate (0.47-1.8 L/min)(Polcaro et al., 2004); Current density (50-
150 mA/cm2), anodic oxidation vs. electroche Fenton vs. photo-Fenton (Pipi et al., 2014) 

DNOC 
(Flox et al., 2005) 

 Current density (33-150 mA/cm2); pH (2-12); temperature (15-50°C) 

Endosulfan 
(Errami et al., 2012c) 

 Electrolyte ([NaCl]); current density (20-60 mA/cm2) 

FTAB/FTSA 
(Gomez-Ruiz et al., 2017) 

 Current density (5-50 mA/cm2); by-product formation; real water tests 

Glyphosate 
(Rubí-Juárez et al., 2016) 

 Electrolyte (NaCl, Na2SO4, Na2CO3); current density (50-100 mA/cm2) 

Imidacloprid 
(M. Ben Brahim et al., 2016) 

 Electrolyte ([NaCl]); current density (10-100 mA/cm2); [Pollutant]; temperature (25-65°C); 
pH (3-10) 

MCPA 
(Brillas et al., 2004) 

 Current density (33-150 mA/cm2); anodic oxidation vs. electro-Fenton 

Mecoprop 
(Flox et al., 2006; Sirés et al., 2008) 

 Flow rate (1.25-5 L/min), Ti/PbO2 v. BDD anode, current density (6-40 mA/cm2),  
[Pollutant] (Sirés et al., 2008); Electrolyte ([Na2SO4]), pH (2-12), current density (50-150 

mA/cm2), temperature (15-60°C), flow rate (1.25-3.8 L/min) (Flox et al., 2006) 
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Table 2.2 (continued). 
POLLUTANT COMPOUND  VARIABLES/CONDITIONS & PHENOMENA INVESTIGATED 

o-Nitrophenol 
(Rabaaoui et al., 2013b) 

 Electrolyte (NaCl, KCl, Na2SO4, Na3PO4,); current density (0-60 mA/cm2); pH (3-10); 
isomerisation (OH, NO2) 

Methidathion 
(Hachami et al., 2015, 2014) 

 Electrolyte ([NaCl]); current density (20-60 mA/cm2); temperature (25-65°C) 

Nitrobenzene 
(Rabaaoui et al., 2013a) 

 Electrolyte (NaCl, KCl, Na2SO4, Na3PO4,); current density (0-60 mA/cm2) ; pH (3-10) 

p-Methylphenol 
(Saad et al., 2016) 

 Electrolyte (Na2SO4, NaCl); current density (0-60 mA/cm2); pH (3, 7, 10); kinetics; 
intermediate by-products 

PFBS 
(Liao and Farrell, 2009) 

 Current density (5-20 mA/cm2); Fundamental RDE work; kinetics 

PFOA 
(Ochiai et al., 2011; Wang et al., 2019; 

Xiao et al., 2011) 

 Kinetics; by-product formation; cathode material for Fenton process; oxidation mechanism 
and degration pathway 

PFOS 
(Carter and Farrell, 2008; Zhuo et al., 

2012) 

 
Current density (5-20 mA/cm2); Fundamental RDE work; kinetics 

Picloram 
(Pereira et al., 2015) 

 Electrolyte ([NaCl]); current density (10-50 mA/cm2); pH (3,6,10) 

Primicarb 
(Selva et al., 2017) 

 Oxidation and quantification; pH (2-8); reaction pathway 

Propham 
(Özcan et al., 2008) 

 Electrolyte (NaCl, Na2SO4, Na2NO3, LiClO4); current density (2.5-42 mA/cm2); pH (3-11); 
temperature (15-35°C) 

Thiabendazole 
(S. Brahim et al., 2016) 

 Electrolyte ([NaCl]); current density (40-80 mA/cm2); initial pollutant concentration; 
temperature (25-55°C) 

Thiamethoxam 
(Lebik-Elhadi et al., 2018) 

 Electrolyte (Na2SO4, NaCl); current density (4-40 mA/cm2); [Pollutant] (1-10 mg/L); pH 
(3-11) 

 

 

2.4.1  Degradation Kinetics 

 

Direct anodic oxidation with BDD electrodes, involving a direct electron transfer from the contaminant to 

the anode, was not found to be a major cause of pesticide degradation and/or mineralisation. In only a single 

case was direct oxidation of a pesticide, 4-CPA, described, however, a temporary loss in electrode function 

arose due to electrode fouling (Boye et al., 2002); this is a phenomenon which has also been observed in 

research involving the BDD degradation of similar phenolic wastewater contaminants (Cañizares et al., 

2004b, 2004d, 2004a, 2004c, 2003; Iniesta et al., 2001b; Nasr et al., 2005). For all other research, the 

principal mechanism responsible for the oxidative degradation of pesticides was attributed to hydroxyl 

radical formation. When operating in these potential ranges, all pesticides were found to be effectively 

removed, together with any intermediate products, thereby obtaining a complete mineralisation of the 

original pesticide compounds.   

 

Unlike pesticide compounds, PFAS were found to be primarily degraded by direct electrochemical 

oxidation at the electrode surface (Carter and Farrell, 2008; Zhuo et al., 2012), rather than mediated by 

hydroxyl radical oxidation. Other advanced oxidation processes which produce hydroxyl radicals, such 

catalysed H2O2 processes, have previously demonstrated PFAS resistance to •OH-mediated degradation 

(Mitchell et al., 2013). Batch electrolysis experiments investigating the BDD EO of PFOS species in the 
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presence of excess tert-butanol, a strong hydroxyl radical scavenger, found that oxidation rates were 

unaffected (Schaefer et al., 2017), indicating that PFOS degradation was primarily and solely attributed to 

direct electron transfer at the anode surface. 

 

Two fundamental similarities were widely observed across the majority of available published research as 

a result of direct oxidation and hydroxyl radical oxidation being the primary method of degradation for 

PFAS and pesticide pollutants, respectively, these being: mass transport was the rate limiting step of the 

degradation process, and pseudo-first order reaction rate kinetics. 

 

The degradation of pollutant compounds was found to be principally mass transport limited; the rate of the 

process is dictated by the rate of diffusion of contaminants from the bulk solution to the adsorbed and free 

radicals located on or near the anode surface. This is evident from the observed non-proportional 

relationship between the electrochemical current and the compound degradation, with, in some instances, 

degradation approaching a maximum with increasing current (Brillas et al., 2004; Flox et al., 2005; Özcan 

et al., 2008; Polcaro et al., 2004). This behaviour is further demonstrated when considering reported current 

efficiencies, which describes the ratio of observed degradation verses that which would be theoretically 

expected (calculated with the applied electrical charge consumed in the mineralisation process (Polcaro et 

al., 2004)). Although all studies included in this literature review reported increased rates of degradation 

with increasing current, current efficiency was observed to decrease, suggesting an increased occurrence of 

parasitic reactions, like the OER.  

 

Electrochemical cells are most often characterised by both convective and diffusive mass transport. Flow 

rate, contaminant concentration and water temperature can all affect the diffusive mass transport within the 

electrochemical system (discussed in the following sub-sections). As previously discussed, the thin stagnant 

non-slip boundary layer near the electrode surface is commonly represented by the Nernst diffusion layer 

model, whereby diffusion across this layer is represent by [Eq.1]. Once a pollutant compound has diffused 

to the electrode surface, the rate of the reaction between a hydroxyl radical (for pesticide compounds) or 

direct oxidation site (for PFAS compounds), and the pollutant (P), is expected to behave according to 

second order reaction kinetics. Under these kinetics, the rate of disappearance of a pollutant compound can 

be described as follows: 

 

 
−𝑑

[𝑃]
𝑑𝑡

= 𝑘"[𝑃][∙𝑂𝐻/𝐷𝑖𝑟𝑒𝑐𝑡] [Eq.2] 
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Whereby k2 represents the second-order reaction rate constant. While hydroxyl radicals disappear due to 

oxidation of pesticides, intermediate organic compounds and other parasitic reactions, they are continuously 

being produced, replenishing oxidant concentrations at a greater rate than the diffusion of pesticides from 

bulk solution, at concentrations typical of those found in raw water sources. Moreover, the number of direct 

oxidation sites on the electrode surface will remain constant, unless scavenged by other co-occurring 

chemical species or organic scavengers. Under these mass transport limited conditions, the hydroxyl 

radicals and direct oxidation sites can be considered to exist in excess compared to the pollutant compound 

([•OH/Direct] >> [P]). It can be further assumed that their concentrations do not change with time 

([•OH/Direct] ≈ [•OH/Direct]k) under constant current operations. As a result, the equation describing the 

second-order rate kinetics [Eq.2] can be simplified to describe the rate of pollutant disappearance as 

follows: 

 

 
−𝑑

[𝑃]
𝑑𝑡

= 𝑘$[𝑃] [Eq.3] 

 

Where, 

 

 𝑘$ = 𝑘[∙𝑂𝐻]%  [Eq.4] 

 

The reaction kinetics governed by [Eq.3] are known as pseudo-first order. For the majority of all the 

reviewed literature involving BDD anodic oxidation, it was found that the degradation was well represented 

by pseudo first-order rate kinetics, with limited exceptions when mixed reactions kinetics (zero- and first-

order) were observed (Li et al., 2008). In most cases, pseudo first-order rate constants were determined and 

published [see Table 2.3], with respect to the various pollutant compounds outlined in this section. 

 

Table 2.3. Summary of pseudo first-order rate constants and half-lives of pollutant compounds.  

Pollutant Current Density 
mA/cm2 

Current 
mA 

k' 
s-1 

t1/2 
min 

2,4,5-T 
(Brillas et al., 2004) 33.3 100 9.0 × 10-5 128 

2,4,5-T 
(Zazou et al., 2017) 

12.5 300 4.0 × 10-2 0.3 
20.8 500 6.0 × 10-2 0.2 

41.7 1000 1.3 × 10-1 0.1 
2,4-D 

(Brillas et al., 2004) 33.3 100 1.2 × 10-4 96.3 

2,4-DP 
(Brillas et al., 2007) 33.3 100 1.7 × 10-4 67.9 

4-CPA 
(Brillas et al., 2004) 33.3 100 1.2 × 10-4 96.3 
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Table 2.3 (continued). 

Pollutant Current Density 
mA/cm2 

Current 
mA 

k' 
s-1 

t1/2 
min 

4-Methylpyrimidine 
(Errami et al., 2012b) 

10 10 1.86 × 10-5 621 
20 20 2.78 × 10-5 416 

30 30 5.53 × 10-5 209 
Amitrol 

(Da Pozzo et al., 2005) 33.3 100 2.0 × 10-4 57.8 

BAM 
(Madsen et al., 2014) 50 3500 1.42 × 10-4 81.5 

Bentazon 
(Abdessalem et al., 2010) 21.5 300 3.33 × 10-4 34.7 

Bupirimate 
(Errami et al., 2012a) 

20 - 5.0 × 10-5 231 
60 - 1.82 × 10-4 63.5 

Buprofezin 
(Errami et al., 2013) 

20 20 1.23 × 10-4 93.9 
60 60 3.13 × 10-4 36.9 

Carbofuran 
(Abdessalem et al., 2010) 

40 40 4.4 × 10-5 263 
60 60 6.3 × 10-5 183 

80 80 8.2 × 10-5 141 
Carbofuran 

(Abdessalem et al., 2010) 21.5 300 4.17 × 10-4 27.7 

Chlorobenzene 
(Zazou et al., 2016) 

4.2 100 1.25 × 10-1 0.1 
12.5 300 1.67 × 10-1 0.07 
20.8 500 2.03 × 10-1 0.06 

Chlorpyrifos 
(Samet et al., 2010) 20 120 1.72 × 10-4 67.2 

Chlortoluron 
(Abdessalem et al., 2010) 21.5 300 5.17 × 10-5 223 

Deltamethrin 
(Errami et al., 2012c) 

20 20 7.84 × 10-5 147 

40 40 1.32 × 10-4 87.5 
50 50 2.04 × 10-4 56.6 
60 60 3.07 × 10-4 37.6 

Difenoconazole 
(Mouden et al., 2012) 

40 - 5.83 × 10-5 198 
80 - 2.22 × 10-4 52.0 

Dimethoate 
(Aimer et al., 2019a) 1.28 88.32 3.60 × 10-4 32.1 

DNOC 
(Flox et al., 2005) 33.3 100 1.6 × 10-4 72.2 

Diuron 
(Pipi et al., 2014) - - 7.3 × 10-5 158 

Endosulfan 
(Errami et al., 2012c) 

20 20 9.02 × 10-5 128 
40 40 1.15 × 10-4 100 
50 50 1.45 × 10-4 79.7 

60 60 2.00 × 10-4 57.8 
Imidacloprid 

(M. Ben Brahim et al., 2016) 100 600 1.55 × 10-4 74.5 

MCPA 
(Brillas et al., 2004) 33.3 100 1.1 × 10-4 105 

Methidathion 
(Hachami et al., 2015, 2014) 60 60 1.31 × 10-2 0.9 

Mecoprop 
(Flox et al., 2006; Sirés et 

al., 2008) 

10 500 2.38 × 10-4 48.5 
50 1000 6.49 × 10-5 178 

100 2000 7.88 × 10-5 147 
150 3000 1.08 × 10-4 107 

o-Nitrophenol 
(Rabaaoui et al., 2013b) 60 2520 1.93 × 10-4 59.8 

p-Methylphenol 
(Saad et al., 2016) 60 2520 1.91 × 10-4 60.5 
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Table 2.3 (continued). 

Pollutant Current Density 
mA/cm2 

Current 
mA 

k' 
s-1 

t1/2 
min 

PFOA 
(Zhuo et al., 2012) 23.24 197.5  7.13 × 10-4 16.2 

PFOS 
(Zhuo et al., 2012) 23.24 197.5 5.95 × 10-4 19.4 

Propham 
(Özcan et al., 2008) 8.3 100 4.8 × 10-4 24.1 

Thiabendazole 
(S. Brahim et al., 2016) 

40 40 4.17 × 10-5 277 
80 80 1.35 × 10-4 85.6 

Thiamethoxam 
(Lebik-Elhadi et al., 2018) 

16 200 ~5.0 × 10-3 2.31 
24 300 ~1.0 × 10-2 1.16 

40 500 ~1.67 × 10-2 0.69 

 

Much of the available literature also explored the degradation by-products that were yielded during BDD 

EO, and these were highly dependent on the target pollutant. For example, during oxidation of the acetic 

acid-containing pesticides, 4-CPA, 2,4-D, 2,4,5-T and MCPA, the intermediate phenol by-products 4-

chlorophenol, 2,4-dichlorophenol, 2,4,5-trichlorophenol and 4-chloro-o-cresol were detected, respectively 

(Brillas et al., 2004). From this, it is evident that hydroxyl radicals first attack the C1 carbon of the acetic 

acid functional group. Aliphatic compounds were subsequently detected, such as carboxylic acids. Nearly 

all other published research reported phenyl-type intermediates and subsequent accumulation of carboxylic 

acids, suggesting similar degradation pathways for all pesticides. In addition to organic intermediates, it 

would be expected that some inorganic final products would accumulate in solution aside from the main 

final product of mineralisation, CO2. Other inorganic ions expected to remain in solution include chlorine 

and nitrogen compounds. While chlorine is liberated as Cl- during the BDD oxidation process, it can be 

unstable and further oxidised to chlorine (Cl2) and released (Brillas et al., 2007, 2004; Kraft et al., 2003). 

Both ammonium (NH4
+) and nitrate (NO3

-) were also found to accumulate from pesticides containing 

nitrogen atoms. 

 

Many of the trends in behaviour with respect to environmental and operating conditions on compound 

degradation and process efficiency are universally observed for all pollutant compounds, regardless of their 

chemical structure and/or functional groups. In general, operating variables such as current density, initial 

pollutant concentration, temperature and flowrate had similar effects on global pollutant degradation trends. 

These trends are substantiated when considering the fundamentals that govern the process, more 

specifically the transport phenomena and kinetics. However, effects on degradations due to other conditions 

like pH were found to be highly variable across the available literature. 
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2.4.2  Condition and Operating Variable Effects 

 

2.4.2.1  Current Density 

 

For all pollutant compounds reviewed, increases in current density yielded both increases in initial pollutant 

degradation rates, as well as mineralisation rates. This is attributed to fundamental electrochemical 

phenomenon described by Faraday’s Laws of electrolysis, which relates the mass of a species produced by 

a redox reaction to be proportional to the quantity of electrical charge passed through the electrochemical 

cell. Therefore, as current increases, three phenomena can occur: (1) the increased rate of electron transfer 

at the electrode-liquid interface (be it with water or other organic chemical species), (2) the increased 

production of •OH and/or, (3) the increased production of other oxidant compounds from anion and cation 

electrolyte species present in the raw water matrix (sulfate, phosphate, chloride, etc.). With any of the cases, 

increased degradation and mineralisation is ultimately due to an increased production of oxidative 

mechanisms and subsequent interactions with contaminant compounds and oxidation by-products. The 

effect of current density on pseudo first-order reaction rate constants can be seen in Table 2.3. 

 

Although increasing the current of a process ultimately increases the reaction rate constant of the 

degradation process, nearly all researchers reported that this increase in degradation was not proportional 

to the increase of current. This can be attributed to both the mass transport limitation of the process, as well 

as the increased prevalence of the OER and other parasitic reactions, like H2O2 and O3 generation, as current 

(and consequently electrical potential) increases. Although the increased rate of oxygen evolution has been 

observed primarily to have a negative effect on the pollutant degradation rates, it has been shown also to 

have a positive effect on the mass transport of pesticides to the electrode surface. One researcher reported 

that as current density increased, and therefore O2 generation, the mass transfer coefficient of the pesticide 

chlorpyrifos increased (Samet et al., 2010). This was due to the Nernst diffusion layer thickness decreasing 

as a result of the detachment of oxygen bubbles from electrode active sites, thereby increasing the pollutant 

flux towards the electrode surface. 

 

 

2.4.2.2  Pollutant Concentration 

 

The mass transport limitations of the BDD electro-oxidation process are highlighted by the increased rate 

of degradation which were observed to coincide with increases in the initial pesticide concentrations (Flox 

et al., 2006; Sirés et al., 2008). In accordance with Fick’s Law of diffusion [Eq.1], the diffusive flux of any 
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species will increase when a greater concentration gradient (dCi/dx) exists. When the concentration of a 

pollutant species increases in the bulk water solution and oxidative degradation of the same species is 

known to be occurring at the BDD electrode surface, increased rates of diffusion across the Nernst diffusion 

layer are expected.  

 

In other research, although the overall electrolysis time was found to increase for complete pollutant 

degradation when the initial pollutant concentration was increased, the mass transfer rates of the pesticide 

chlorpyrifos were observed to increase (Samet et al., 2010), suggesting greater diffusive flux from the bulk 

water to the electrode surface. Under a mass transport limited system, it would be expected that normalised 

chlorpyrifos degradation rates would increase because of the increased movement of the species towards 

the electrode surface (and primary site of oxidation). However, should the diffusive flux increase beyond 

the oxidant formation capacity of a process (i.e. operating current), it would be expected that degradation 

rates would remain unchanged or decrease with increasing initial pollutant concentration as •OH would no 

longer be present in excess. If •OH concentration and direct oxidant sites were no longer available in excess, 

the process could deviate from pseudo first-order kinetics, as the concentration of oxidants would no longer 

be constant (i.e., [Eq.4] is no longer valid).  

 

 

2.4.2.3  Temperature 

 

As previously discussed, both mass transport (pollutant diffusion) and reaction kinetics are the primary 

aspects which govern the degradation characteristics of the process. Both mass transport and reaction 

kinetics are temperature dependent and therefore solution temperature has an overall effect on pollutant 

oxidation. As previously discussed, the diffusion coefficient (D) for a chemical species will increase with 

increasing temperature, thereby increasing the diffusive flux of that species towards the electrode surface 

(according to Fick’s law of diffusion [Eq.1]). Moreover, the reaction rates are expected to increase with an 

increase in temperature, according to the Arrhenius law: 

 

 𝑘 = 𝐴𝑒
&'!

()*  [Eq.5] 

 

Where k (k’ for pseudo first-order reactions) is the reaction rate constant, A is the pre-exponential factor, Ea 

is the activation energy of the reaction, R is the ideal gas constant and T is the temperature. In general, most 

research studies have observed that the degradation of pollutants agrees with the Arrhenius law with a trend 
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of increased degradation with increased water temperature (M. Ben Brahim et al., 2016; Errami et al., 

2012b; Flox et al., 2006, 2005; Özcan et al., 2008; Samet et al., 2010). 

 

In some instances, such as a group of studies investigating the electro-oxidation of thiabendazole (S. Brahim 

et al., 2016), methidation (Hachami et al., 2014) and buririmate (Errami et al., 2012a), reaction rates were 

found to decrease with an increase in temperature. Although no conclusive evidence was provided to 

explain this behaviour, it was suggested that it may have been due to an increase of reaction rate constants 

of parallel parasitic reactions, such as the formation of chlorine and chlorate (Hachami et al., 2014). 

However, the increased generation of either chlorine or chlorate may not necessarily have hindered the 

oxidation as much research has demonstrated increased pesticide degradation via indirect oxidation with 

chlorine-oxidant species such as chlorate, formed during a BDD electro-oxidation process (Aimer et al., 

2019b, 2017b; Bouya et al., 2012; S. Brahim et al., 2016; Errami et al., 2013, 2012b, 2012a, 2012c; Mouden 

et al., 2012; Özcan et al., 2008). Similar temperature trends were obtained during the BDD electro-oxidation 

of glucose in a chloride containing media, whereby the decreased reaction rate with increased temperature 

was attributed to the possibility of increased reactions favouring oxygen evolution, as well as the 

isomerisation of glucose to fructose, which is a more stable chemical species (Bonfatti et al., 2000). Both 

the shift of kinetics to favour the OER, as well as the isomerisation of a pollutant chemical, may also help 

to explain the unexpected temperature trends reported by these researchers.     

 

2.4.2.4  Flowrate and Mixing 

 

In addition to the aforementioned operating variables that affect the mass transport and/or kinetics of the 

process, it is also to be expected that the relative movement of water within an electrochemical cell has an 

effect on the transport phenomena of the process. This movement could be due either to the flowrate of 

water through a continuous (or batch-recycle) electrochemical flow-through cell, or caused by the stirring 

in a single compartment batch cell. Fundamentally, by increasing the relative electrode-electrolyte 

movement (i.e. increasing the flowrate or stirring across an electrode surface), the Nernst diffusion layer 

thickness will decrease (Walsh, 1993). Consequently, as the convective mass transport of the bulk water 

solution across the BDD electrode increases, the distance a micro-pollutant species must diffuse to reach 

the hydroxyl radicals near to, or adsorbed onto, the electrode surface decreases. This is highlighted in 

studies involving mecoprop degradation, which showed that when the solution flowrate was increased, a 

greater reduction in compound concentration occurred, through the enhanced diffusion of the herbicide to 

the electrode surface (Flox et al., 2006; Sirés et al., 2008).  
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2.4.2.5  pH 

 

While the study presented in this thesis is only concerned with circumneutral pH conditions, to satisfy a 

drinking water context to the research, pH can play an important role in BDD electro-oxidation. Local and 

bulk solution changes in pH can arise, due to the electrochemical production of hydroxide or protons (H+), 

predominantly during the cathodic hydrogen evolution reaction (R.2), or the OER (R.1) and •OH (R.3) 

generation reaction, respectively. In contrast to the previously discussed operational variables (current 

density, pollutant concentration, temperature and flowrate), the available literature does not show a 

consistent effect of pH on the degradation of micro-pollutants. Several outcomes were observed by 

researchers, including increased degradation rates in acidic conditions (Abdessalem et al., 2010; M. Ben 

Brahim et al., 2016; Flox et al., 2005; Lebik-Elhadi et al., 2018; Rabaaoui et al., 2013a, 2013b; Saad et al., 

2016), increased degradation rates in neutral conditions (Errami et al., 2013; Pereira et al., 2015), or 

unaffected degradation rates by changes in pH (Flox et al., 2006; Mouden et al., 2012; Özcan et al., 2008; 

Pereira et al., 2015; Polcaro et al., 2005; Souza et al., 2016). A number of possibilities exist that may explain 

the observed incongruent results.   

 

While many studies observed no significant pH effect on pollutant degradation, an increased oxidation in 

acidic conditions was found to be the next most commonly observed effect of pH. One reason for this is a 

greater generation and subsequent physisorption of hydroxyl radicals on the BDD surface at low pH, which 

has been previously reported (Enache et al., 2009). Additionally, as pH increases, the current efficiency for 

hydroxyl radical formation may decrease and shift some energy towards the OER (C. Zhang et al., 2013a). 

If oxygen is generated at a greater rate in more alkaline conditions, consequently decreasing the rate of •OH 

generation, a decrease in pollutant degradation would be expected. The pH may also affect the chemical 

structure of the pollutant species, depending on their dissociation constant and possible ionisation. In this 

respect, electro-oxidation was found to be greater in acidic conditions for the pesticides bentazon 

(Abdessalem et al., 2010), 4,6-dinitro-o-cresol (Flox et al., 2005), nitrobenzene (Rabaaoui et al., 2013a) 

and o-nitrophenol (Rabaaoui et al., 2013b), than in their dissociated state in neutral (pH~7) or basic (pH~10) 

conditions, given their corresponding pKa constants of 3.30, 4.31, 3.98 and 7.23, respectively.  

 

In contrast to those compounds that are more easily degraded in acidic conditions, buprofezin (Errami et 

al., 2013) and picloram (Pereira et al., 2015) were found to degrade at a slightly greater rate in neutral 

conditions. While the former has a pKa of 6.70, suggesting different states of dissociation during acidic and 

neutral/alkaline treatment, picloram has a pKa of 2.30 and would therefore be in its dissociated form for all 

pH conditions tested. In both cases, the respective pesticide was found to degrade at a greater rate in the 
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presence of Cl- (arising from the NaCl electrolyte). While the effect of oxidative species generation and 

their subsequent effect on pesticides will be discussed in the following sections, it is worth noting that pH 

will also have an effect on the thermodynamic stability of generated oxidant species in the supporting 

electrolyte. Active chlorine increases as pH increases (Pereira et al., 2015), however at pH 6, it is expected 

to take the form of predominantly HOCl (and a mix of Cl2 and HOCl at pH~3) (Aquino et al., 2013; Cheng 

and Kelsall, 2007). Although a greater concentration of active chlorine would be expected at a higher pH 

(~10), its predominant form would be OCl-, which has a lower oxidation power compared to HOCl, 

potentially helping to explain the observed pH effects.  

 

The effect of pH on pollutant degradation is highly dependent on a number of factors including generation 

of hydroxyl radicals, the target pollutant’s chemical structure and supporting electrolyte. Although a low 

pH can increase the generation of hydroxyl radicals, while high pH is known to shift energy to the OER, 

degradation will be affected by the specific nature of the organic compound’s structure and dissociation 

constant. In addition, pH can affect the generation of oxidant species formed from the supporting 

electrolyte, which will further influence the overall degradation of the target pollutant. 

 

 

2.4.2.6  Natural Organic Matter Scavenging 

 

The degradation kinetics of a pollutant compound can also be heavily influenced through the scavenging 

effect of other chemical species that may be present in the water matrix. Of particular importance and 

abundance in surface water sources is the presence of natural organic matter, which includes humic 

substances. Although not thoroughly researched, one study observed the inhibitory effect of humic acid on 

the degradation of thiamethoxam, whereby the addition of just 1 mg L-1 of humic acid resulted in a 50% 

decrease in the apparent reaction rate constant (Lebik-Elhadi et al., 2018). Moreover, as humic acid 

concentrations were increased from 10 to 15 mg L-1, the total pesticide conversion after 30 minutes of 

electrolysis was reduced from 100 to 67%. Given the high reactivity and non-discriminatory nature of 

hydroxyl radicals, competitive reactions with other organic and inorganic chemical species in the water will 

likely have an effect on pollutant reaction rate kinetics. However, if the target pollutant is recalcitrant to 

hydroxyl radical mediated oxidation, like that observed during PFOS degradation, the presence of an 

organic scavenger analogue in high concentration is unlikely to influence the degradation rate (Schaefer et 

al., 2017). This is due to the organic scavenger, such as tert-butanol, being primarily oxidised by hydroxyl 

radicals, and therefore not scavenging direct oxidation sites on the electrode surface where PFOS is 

primarily degraded.  
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2.4.3  Oxidant Species Generation 

 

In general, most research has been conducted using solutions of low electrolyte concentrations (~ 50 mM), 

primarily consisting of NaCl (Bouya et al., 2014, 2012; S. Brahim et al., 2016; Errami et al., 2013, 2012c, 

2012a, 2012b; Hachami et al., 2015, 2014; Lebik-Elhadi et al., 2018; Malpass et al., 2013; Mouden et al., 

2012; Özcan et al., 2008; Pereira et al., 2015; Rabaaoui et al., 2013a, 2013b; Rubí-Juárez et al., 2016; Saad 

et al., 2016; Zazou et al., 2016), Na2SO4 (Aimer et al., 2019a, 2017a; Boye et al., 2002; Brillas et al., 2007, 

2004; Da Pozzo et al., 2005; Errami et al., 2013, 2012b; Flox et al., 2006, 2005; Lebik-Elhadi et al., 2018; 

Martinez-Huitle et al., 2008; Özcan et al., 2008; Pipi et al., 2014; Polcaro et al., 2005, 2004; Rabaaoui et 

al., 2013a, 2013b; Rubí-Juárez et al., 2016; Saad et al., 2016; Sirés et al., 2008; Zazou et al., 2017, 2016) 

or H2SO4 (Pipi et al., 2014; Polcaro et al., 2005, 2004; Sirés et al., 2008). While S2O8
2- and chlorine-based 

oxidants were detected in waters (generated mainly by electrolytes, but also from the liberation of chlorine 

atoms from pesticides), most cases did not examine the specific effect these oxidants may play in the overall 

degradation and mineralisation of pollutants, as the selectivity may vary from the various oxidants that may 

be synthesised. However, in some instances it was found that a NaCl electrolyte hindered the overall rate 

of mineralisation, due to the scavenging effect of chloride in forming chloride-based oxidants (Zazou et al., 

2016). In general, increased electrolyte concentrations were found to increase pesticide abatement, and 

evidence of the generation of oxidant species was found. For example, when H2SO4 concentrations were 

increased, a greater accumulation of S2O8
2- was found, which subsequently corresponded to increased 

pesticide removal (Polcaro et al., 2004). It is known that these oxidant species are more stable than hydroxyl 

radicals and therefore can diffuse from the electrode surface (as indicated by their detection in the bulk 

water solution), through the Nernst diffusion layer and into the bulk water solution. It is likely therefore 

that oxidation occurs both by S2O8
2- in the bulk water, as well as by oxidation reactions at the electrode 

surface.  

 

Similar studies have investigated the comparative effect of Na2SO4 and NaCl electrolytes on pesticide 

degradation, in addition to a number of other electrolytes including KCl (Aimer et al., 2019a, 2017a; 

Rabaaoui et al., 2013a, 2013b), KNO3 (Aimer et al., 2019a, 2017a), LiClO4 (Özcan et al., 2008), Na2CO3 

(Errami et al., 2013; Rubí-Juárez et al., 2016), NaNO3 (Özcan et al., 2008), Na3PO4 (Rabaaoui et al., 2013a, 

2013b) and NaOH (Errami et al., 2012b). In most cases, the reaction rate constants of the target pesticides 

were found to be greatest with Na2SO4 (Lebik-Elhadi et al., 2018; Özcan et al., 2008; Rabaaoui et al., 2013a, 

2013b; Saad et al., 2016) as the supporting electrolyte, due to the formation of S2O8
2- oxidant species. No 

insights were provided to help explain this trend, however, one author suggested this could be due to the 

pesticide’s (nitrobenzene) greater affinity to be oxidized by persulfates compared to chloride-based 
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oxidants like hypochlorite (Rabaaoui et al., 2013a). A further explanation could be related to the continued 

oxidation of pesticides to complete mineralisation and the stability of the generated degradation 

intermediate by-products. Although Na2SO4 provided greater results for complete mineralisation of 

propham, NaCl was found to provide much greater initial degradation rates (Özcan et al., 2008). 

Furthermore, as NaCl concentrations increased, an increase in pesticide degradation was observed, 

however, the overall mineralisation was hindered due the formation of recalcitrant chlorinated by-products; 

this is a phenomenon that has been reported previously (Iniesta et al., 2001a; Murugananthan et al., 2011). 

In general, the presence of chloride ions during electro-oxidation has been found to yield a wider variance 

of intermediate by-products (Madsen et al., 2015). While the decrease in the mineralisation rate can be 

attributed to the formation of chlorinated by-products, the increased rate of pesticide degradation can be 

attributed to chlorine-based oxidant formation.  

 

As mentioned previously, the formation of more stable chlorine-based oxidants allows the mechanism of 

degradation to occur in the bulk water solution, and not to be confined only to the regions near or on the 

electrode surface. This mixed-mechanism of oxidation occurring both at the electrode surface and in the 

bulk water solution avoids the efficiency of the process being purely a function of the diffusive mass 

transport of a contaminant species to the electrode surface. Consistent with the findings of  Özcan et al. 

(2008), others have reported greater rates of pollutant conversion with NaCl when compared to Na2SO4, 

particularly for the oxidation of pesticides, 4-methyl pyrimidine (Errami et al., 2012b), buprofezin (Errami 

et al., 2013) and glyphosate (Rubí-Juárez et al., 2016). Both chlorate and perchlorate were detected during 

the electro-oxidation of the pesticide dimethoate, which was attributed to the greatly increased degradation 

rates compared to both Na2SO4 and KNO3 (Aimer et al., 2017a). Furthermore, most researchers observed 

that increases in NaCl concentration yielded an increase in the kinetic reaction rate constants (Mouden et 

al., 2012) up to a maximum NaCl concentration of roughly 2% v/v, whereby a continued increase of NaCl 

yielded a decrease in degradation rates (S. Brahim et al., 2016; Errami et al., 2012a, 2012c; Hachami et al., 

2015, 2014). This phenomenon was attributed to the decrease of current efficiency for hydroxyl radical 

formation (current favouring reactions with chloride), as hydroxyl radicals are known to have much greater 

oxidation potential compared to other oxidants like chlorine (Carey, 1992). Additionally, decreases in 

degradation rates observed at NaCl concentrations above 2% could be attributed to potentiostatic buffering, 

whereby the electrical potential decreases as a result of the increased conductivity (decreased electrolyte 

resistance). A significant change in the operating potential can shift the thermodynamics of the process, 

potentially increasing (or decreasing) the favourability of competitive parasitic reactions.  

 

 



 - 32 - 

2.4.4  Target Pollutant Degradation 

 

In this study, two target pollutants were selected to be investigated by BDD EO, namely atrazine and PFOS. 

While atrazine has received much research attention for a number of decades, it is still a ubiquitous and 

relevant compound, due do its global widespread use and detection in natural water sources (Komtchou et 

al., 2017). Atrazine was also chosen as an appropriate model pollutant due to its recalcitrant nature with 

respect to other conventional oxidation processes like ozone (Camel and Bermond, 1998), and its widely 

reported degradation kinetics for other treatment processes makes it a suitable model compound for 

investigation. Alternatively, a relatively newer pollutant compound that is receiving much research 

attention currently, is that of PFOS. PFOS is an industrial pollutant that has been classified as one of the 

most severe environmental contaminants and a priority substance for monitoring by the European Union 

Directive 2013/39/EU (Bu et al., 2018). While both contaminants represent relevant species of concern for 

water treatment applications, their differing chemical structures provide a wide view of the EO system’s 

ability to treat both aromatic organic compounds (atrazine), as well as aliphatic halogenated compounds 

(PFOS). Moreover, from the current literature, it is expected that atrazine and PFOS will have different 

primary degradation mechanisms via hydroxyl radical and direct oxidation during EO, respectively. The 

current research information available regarding the BDD EO treatment of atrazine and PFOS is described 

below.  

 

 

2.4.4.1  Atrazine 

 

Atrazine (1-Chloro-3-ethylamino-5-isopropylamino-2,4,6-triazine; molecular weight (MW) = 215.68 g 

mol-1) is a particularly problematic pollutant compound which has been classified as a priority substance 

that must be monitored in Europe, in accordance to the European Union Directive 2013/39/EU.  Of all of 

the priority substances identified by the EU, atrazine has received the most research attention since 2012 

(He et al., 2019; Sousa et al., 2018). Atrazine is a triazine herbicide (see Figure 2.2) widely used on a global 

scale and is easily detectable in raw waters, in part due to its recalcitrant nature with conventional oxidation 

techniques, low biodegradability and long half-life of 30-100 days (Cheng et al., 2016; Domínguez-Garay 

et al., 2016; Taverna et al., 2018). Although atrazine has been banned for use in many countries across the 

world, it is still in wide scale use in countries like the United States and Australia. A U.S. Environmental 

Protection Agency’s (EPA) National Lake Assessment found that 32% of U.S. water bodies contained 

atrazine, at an average concentration 0.17 μg L-1 (Beaulieu et al., 2020). Moreover, atrazine concentrations 

between 6.9-62 μg L-1 were detected in four Quebec rivers between 2002-2004, as well as at maximum 
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concentrations of 108 µg L-1 in small river basins within the corn-belt of the U.S. and 224 µg L-1 from 

midwestern streams and rivers (Lazorko-Connon and Achari, 2009). Another U.S. EPA study, in 

collaboration with the California Office of Environmental Hazard Assessment, found atrazine 

concentrations as high as 1500 µg L-1, in some 1500 wells, with detectable limits in 11% of those tested.  

 

 
Figure 2.2. Chemical structure of atrazine. 

 

Many remediation techniques for the treatment of atrazine have been investigated, including activated 

carbon adsorption (Amaral et al., 2016; Martin-Gullon and Font, 2001; Shao et al., 2017), Fenton (Cheng 

et al., 2016; Chu et al., 2007; Yang et al., 2018) and electro-Fenton (Ding et al., 2017; Komtchou et al., 

2017), ozonation (Acero et al., 2000; Saylor et al., 2018; Wang et al., 2018; Yuan et al., 2019; Zhu et al., 

2017), microbial (Domínguez-Garay et al., 2016) and chlorination methods (Kong et al., 2016), to highlight 

the most prominent. Electro-oxidation (Guan et al., 2013), and more specifically EO via BDD anodes, has 

also been considered for the treatment of atrazine, whereby the performance was found to be influenced 

principally by the operating current density and pH (Borràs et al., 2010; Komtchou et al., 2017). The BDD 

EO of atrazine was observed to form persistent intermediate by-products, resistant to oxidation by other 

electrogenerated oxidants (or by reduction reactions at the cathode) (Borràs et al., 2010). The degradation 

of atrazine increased with increasing current, following pseudo first-order reaction kinetics, which was 

attributed to the increased formation of adsorbed hydroxyl radicals. Atrazine degradation was also observed 

to be greater in chloride containing mediums compared to sulfate, due to the formation of reactive chlorine 

species (Malpass et al., 2013). The addition and activation of persulfate was also observed to have favorable 

effects, whereby the increase in both current density and persulfate dose resulted in increased degradation 

of atrazine (Bu et al., 2018).  
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2.4.4.2  Perfluorooctane Sulfonate 

 

Per- and polyfluoroalkyl substances (PFAS) are a wide class of synthetically made chemicals, characterised 

by an aliphatic carbon backbone with fluorine atom substitutions on the alkyl chain in place of hydrogen. 

Perfluorooctane sulfonate (PFOS) (MW = 500.13 g mol-1) is a particularly ubiquitous PFAS species, 

consisting of an eight carbon chain and hydrophilic sulfonate functional group (see Figure 2.3), previously 

used in a number of applications including as a mist suppressant agent for carcinogenic aerosols (Pilat and 

Pegnam, 2006), aqueous film-forming foams, surfactants and lubricants (Moody and Field, 2000), as well 

as various household products such as carpet, clothing and non-stick cookware (Fujii et al., 2007). PFOS 

has been found to be one of the most prevalent PFAS species, predominating most studied water samples 

(Campo et al., 2014; Filipovic and Berger, 2015; Houtz et al., 2016). PFOS is also known to be an especially 

stable PFAS species due to its long carbon chain and strong hydrophobicity when compared to other 

common PFAS species like perfluorooctanoic acid (PFOA) (Hori et al., 2005; Park et al., 2016). In general, 

PFAS are known to be chemically stable and resistant to biodegradation and conventional treatment 

processes (Kucharzyk et al., 2017; Lu et al., 2020; Nzeribe et al., 2019; Rahman et al., 2014), leading to the 

accumulation of perfluorinated compounds in the environment, as well as wildlife and humans (Rahman et 

al., 2014; Suja et al., 2009). Moreover, their toxic nature presents many harmful health effects to human 

(Chen et al., 2018; Shi et al., 2008; Yin et al., 2018), leading many governments to impose health-based 

notification levels (Lu et al., 2020). 

 

The prevalence of PFOS in natural waters largely vary and are dependent on contaminant source locations. 

In a worldwide survey conducted in 15 countries and 41 cities between 2004-2010, in both industrialised 

and non-industrialised areas, PFOS levels ranged from trace to 70.1 ng L-1 (Kunacheva et al., 2012). 

Moreover, a U.S. EPA survey found PFOS contamination ranging from 40-43 ng L-1 as an average in 50 

U.S. states in contaminated waters, with individual levels ranging from trace to over 1800 ng L-1 (Vedagiri 

et al., 2018). 

 

 
 

Figure 2.3. Chemical structure of perfluorooctane sulfonate (PFOS). 
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The use of BDD for electro-oxidation of PFOS has been previously investigated (Carter and Farrell, 2008; 

Pierpaoli et al., 2021; Schaefer et al., 2017; Zhuo et al., 2020, 2012). In general, researchers have found 

that PFOS degradation via BDD-EO is a mass transfer limited process, which proceeds primarily through 

direct oxidation at the electrodes surface (Carter and Farrell, 2008; Zhuo et al., 2012), rather than mediated 

by hydroxyl radical oxidation like atrazine. Moreover, batch electrolysis experiments found that PFOS 

degradation was unaffected when the hydroxyl radical scavenger tert-butanol was present (Schaefer et al., 

2017), further indicating the PFOS oxidation mechanism proceeds by direct electron transfer, as well as 

suggesting the effectiveness of BDD-EO for PFOS degradation in the presence of low molecular weight 

organic scavenger species. More recently, researchers have found that boron doping levels in BDD 

electrodes did not effect PFOS degradation (Pierpaoli et al., 2021), however modified BDD materials with 

SnO2-F and BDD/SnO2-F anodes provided improved PFOS degradation by increasing the oxygen evolution 

potential ([R1]) during electrolysis (Zhuo et al., 2020).  

 

 

2.5  Ferrate and Permanganate Oxidation 

 

The use of ferrate (Fe6+, FeO4
2-) and permanganate (Mn7+, MnO4

-), in their salt form of potassium ferrate 

and potassium permanganate, have been widely used in the water and wastewater treatment industry. The 

effectiveness of ferrate and permanganate is attributed to their high redox potentials of E0
Fe(VI)

 = +2.2 VSHE 

and E0
Mn(VII)

 = +1.5 VSHE in acidic conditions respectively (Hu et al., 2009), and non-toxic reduction products 

(e.g., hydrolysis species of Fe3+, Mn3+ and Mn4+). Potassium ferrate has been shown to degrade various 

contaminants (Jiang and Lloyd, 2002; Sharma, 2002; Sharma et al., 2016), as well as effectively function 

as a coagulant chemical for further treatment beyond its oxidative properties (Jiang et al., 2018; Tien et al., 

2008). Similarly, potassium permanganate has been previously used for the control of taste and odour 

compounds (Omoike and Harmon, 2019), phenolic compounds (Jiang et al., 2014), pesticide and antibiotic 

organic micro-pollutants (Hu et al., 2011, 2010; Liu et al., 2009), algal toxins (Rodríguez et al., 2007), 

heavy metals (Qi and Xie, 2018) and soluble manganese (Mn2+) and iron (Fe2+) (Carlson and Knocke, 1999; 

Cleasby, 1975; Van Benschoten and Lin, 1992; Yu et al., 2015). However, their limited adoption in the 

water industry can be associated with their instability and difficult synthesis procedures (and consequently, 

chemical cost). The following section will further summarise the literature dealing with ferrate and 

permanganate synthesis, as well as their applications for the treatment of organic micro-pollutants, namely 

atrazine and PFOS.  

 

 



 - 36 - 

2.5.1  Synthesis 

 

The synthesis of ferrate has, in practice, proceeded either chemically or electrochemically. Chemically 

derived ferrate has been conventionally synthesized by either a wet chemical method (most common) or a 

thermal chemical method (Mácová et al., 2009). The wet chemical method generates potassium ferrate by 

oxidizing a highly alkaline solution of Fe3+ with a concentrated solution of chlorine (Li et al., 2005; Schreyer 

et al., 1953; Thompson et al., 1951). The thermal chemical synthesis process can be undertaken by various 

methods, but generally involves the heating of iron to 500-650°C, with an alkali metal oxide, peroxide, 

nitrate salt in molten KOH (Mácová et al., 2009). Potassium ferrate is unstable unless stored at cold 

temperatures and low concentrations, and under strongly alkaline conditions (Li et al., 2005), making its 

transport and utilisation in circumneutral pH waters non-ideal. Electrochemical generation of ferrate has 

most commonly involved Fe-anodic dissolution in a strongly alkaline media, involving high electrical 

potentials far exceeding the stability of water (~0.8 VSHE, pH = 7), thereby increasing the prevalence of the 

parasitic OER (R.1) and decreasing the current efficiency. Similar to the chemically-driven methods of 

ferrate generation, this method is not suitable in a drinking water context as it requires highly alkaline 

aqueous environments which would require neutralization subsequently (Alsheyab et al., 2010; Barlşçl, 

2018; Bouzek et al., 1999, 1996; Bouzek and Roušar, 1997, 1996, 1993; De Koninck et al., 2003; He et al., 

2005; Lescuras-Darrou et al., 2002; Sun et al., 2018; Tuffrey, 1983; Yang et al., 2012). 

 

Another possible method of electrochemical ferrate generation involves the use of an inert anode, for the 

oxidation of dissolved iron species (Fe2+/Fe3+) in solution. Most research has involved the use of high 

overpotential electrode materials like BDD and PbO2, in order to minimize the parasitic OER through the 

electrolysis of water. Although only a limited number of studies exist that have investigated the efficacy of 

BDD for the generation of ferrate, these have shown promising results. In general, it was found that ferrate 

could be synthesised and was a function of current density, and strongly dependent on the concentration 

and availability of raw iron reactant material (Cañizares et al., 2007a; Diaz et al., 2019; Sáez et al., 2008). 

In most studies, the optimal electrolyte conditions were found to be highly concentrated (10-14 M) solutions 

of NaOH and KOH with a high Fe3+ initial concentration (saturated with Fe(OH)3), once again highlighting 

an important hindrance to the adoption of this technique for in-situ water treatment practices.  

 

More recent research, however, has demonstrated the circumneutral generation of ferrate, indicating 

promising advancements towards industry adoption. Of particular importance is the electrical potential 

range of water stability (i.e., -1.25 to 2.7 VSHE) which are exhibited by BDD electrodes, which allow for 

electrolysis at increased potentials without the dominance of the OER. This results in the ability to generate 
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ferrate and permanganate in circumneutral conditions. One particular area of interest has been dedicated to 

the ferrate precursor ions, such as the iron(III) species, Fe2O3, FeO(OH), FeCl3, FeSO4 and Fe(NO3)3, as 

well as iron(II) species, FeCl2. In a batch configuration, a greater generation of ferrate using FeCl3 

(compared to FeO(OH) and Fe2O3) was observed, which was attributed to its greater solubility in neutral 

pH conditions (Cataldo-Hernández et al., 2018). Similarly, FeCl3 was found to outperform other precursors  

(FeCl2 > Fe(NO3)3 > FeSO4) in acidic electrolyte yielding ferrate concentrations as high as 10.8 mM from 

an initial Fe3+ concentration of 50 mM (Diaz et al., 2019). The significantly greater ferrate concentration 

observed for FeCl3/FeCl2 was attributed to the heightened oxidation due to generated high redox potential 

chlorine species, as well as greater diffusion in chloride-containing waters. In both studies, increased initial 

iron concentrations yielded greater generation of ferrate. Similar to the phenomenon observed for increased 

pollutant degradation with increasing initial pollutant concentrations (Section 2.4.2.2), at a constant 

diffusion layer thickness and diffusivity (of Fe2+/3+), the diffusive mass flux of iron through the diffusion 

layer to the electrode surface will increase with an increase in initial iron concentration, as governed by 

Fick’s law of diffusion (Eq.1). Current density also has an important role in ferrate generation. An increase 

of current density will increase the rate of •OH formation, as would be predicted by Faraday’s law, thereby 

increasing the oxidation of iron cations to form ferrate (Cataldo-Hernández et al., 2019, 2018).  

 

Although it has been observed that ferrate can be synthesised with high [Fe3+] in neutral pH, some 

complications arise, impeding this method’s possible adoption as a viable drinking water treatment 

technology, in part because of the low solubility of Fe3+ in neutral pH waters, as well as the high 

concentrations of reactant needed (iron concentrations far exceeding typical drinking water guidelines). 

While the use of Fe3+ as an initial iron reactant provides the need for less electron transfers during ferrate 

generation when compared to a Fe2+ reactant, iron is typically not present in natural waters in a 3+ oxidation 

state.  

 

Unlike ferrate, minimal research has been pursued to-date in the area of permanganate synthesis. 

Conventionally, potassium permanganate is synthesised in a two stage process: (1) the oxidation of 

manganese dioxide to potassium manganate (Mn6+) by oxygen in highly concentrated potassium hydroxide 

solutions, and (2) electrochemical oxidation of potassium manganate to potassium permanganate in a highly 

alkaline electrolyte (Singh and Lee, 2001). Furthermore, an extensive search in the literature yielded no 

evidence of electrochemical synthesis pathways for permanganate generation, in either neutral or non-

neutral pH conditions.  
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2.5.2  Target Pollutant Degradation 

 

Ferrate has been studied previously for the treatment of atrazine, primarily dosed with K2FeO4, whereby 

second-order reaction constants were observed to decrease as the solution pH increased from 6 to 9 (Zajíček 

et al., 2015). This phenomenon was associated with the protonated form of ferrate (HFeO4
-), which 

predominates as pH decreases, having a greater oxidation potential than the unprotonated form (FeO4
2-) 

(Kamachi et al., 2005). It was also observed that degradation was limited unless dosed in molar ratios 

([Fe(VI)]:[atrazine]) as high as 75:1. These results were observed by other researchers, who also yielded 

greater degradation of atrazine when ferrate oxidation was dosed with peroxymonosulfate (Wu et al., 2018). 

Electrochemically generated ferrate, using sponge iron anodes (anodic dissolution), was also investigated 

for the treatment of atrazine (Sun et al., 2018). Unlike the previous results, greater atrazine oxidation was 

observed in higher pH conditions (pH = 9), due to the greater thermodynamic stability of ferrate and 

consequently decreased rate of self-decomposition.  

 

The use of potassium permanganate has also been investigated for the oxidation of atrazine. A comparative 

study of atrazine removal via ferrate and permanganate observed decreased oxidation via permanganate, 

likely due to its lower oxidation potential and selectivity of pollutant moiety attack (Zajíček et al., 2015). 

Other researchers have considered the oxidation selectivity of permanganate, demonstrating a highly 

selective dealkylation, predominantly forming deethylatrazine and deisopropylatrazine (Meyer et al., 2014; 

Meyer and Elsner, 2013). The use of potassium permanganate was found to have less reactivity with 

atrazine when compared to Mn3+, generated from bisulfite activated permanganate process, which provided 

efficient nitrogen dealkylation (Hu et al., 2017). 

 

Unlike atrazine, the degradation of PFOS by ferrate and permanganate has been relatively limited to date. 

Ferrate, dosed as potassium ferrate, and its reduced species Fe(V) and Fe(IV) have previously been 

observed to oxidise PFOS in neutral and alkaline pH conditions, with maximum removals of 34% after five 

days (Yates et al., 2014). Furthermore, a synergistic effect with ferrate and zero-valent iron for PFOS 

degradation has recently been reported in the literature (Deng et al., 2020).  Permanganate has received 

limited attention as a potential oxidant for PFOS degradation, but one study observed the optimal conditions 

for PFOS degradation to be high temperatures (65 °C) and acidic conditions (pH 4.2) (Liu et al., 2012). 

Moreover, as initial permanganate concentration increased, the rate of PFOS decomposition accelerated. In 

general, PFOS degradation via permanganate was found to be very slow, with a 46.8% reduction over 18 

days resulting in a pseudo first-order reaction rate of 3.64 x 10-2 day-1.  
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2.6  Literature Gaps 

 

The currently available research demonstrates promising results in favour of the use of BDD anodes for the 

aqueous degradation of harmful organic contaminants like atrazine and PFOS, as well as a number of other 

ubiquitous and harmful pollutant compounds. While the electrolyte type has been shown to have significant 

effects on the degradation rate of numerous micro-pollutants, as more stable oxidant chemicals (when 

compared to hydroxyl radicals) are generated, such as chlorate (from Cl-) and peroxydisulfate (from SO4
2), 

the targeted synthesis of oxidant species are their isolated effect on the pollutant degradation process has 

not be thoroughly pursued. The in-situ generation of these various other strong oxidants with greater 

stability and/or more targeted oxidation, represents a potentially powerful feature of the BDD technology 

that has yet to be investigated thoroughly. While BDD electrodes have been shown already to be an effective 

electrode material for the generation of targeted chlorine species in an electro-chlorination process (Mostafa 

et al., 2018), further research could expand on this in respect to the generation of other stronger oxidants, 

with less harmful reduction products, namely ferrate and permanganate.  

 

 
Figure 2.4. Simplified scheme of in-situ ferrate and permanganate generation and pollutant degradation. 

 

Currently, BDD electro-oxidation is primarily limited to the treatment of the influent flow on or very near 

to the anode surface due to the highly unstable nature of hydroxyl radicals. The generation of more stable 

oxidants capable of diffusing to the bulk water solution, like ferrate and permanganate, may substantially 
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increase pollutant degradation, as the process may no longer be limited to the diffusion of pollutants to the 

anode surface (see Figure 2.4). The electro-synthesis of ferrate and permanganate could provide a source 

of residual oxidants for downstream degradation, within later stages of the treatment process and/or within 

a distribution system.  

 

Although only a limited number of studies exist that have investigated the efficacy of BDD for the 

generation of ferrate, these have shown promising results. In most studies, the optimal electrolyte conditions 

were found to be highly concentrated (10-14 M) solutions of NaOH and KOH with a high Fe3+ initial 

concentration, once again highlighting an important hindrance to the adoption of this technique in water 

treatment practice. While some studies involving the circumneutral generation of ferrate exist, these have 

involved high concentrations of Fe3+ (Cataldo-Hernández et al., 2019, 2018), impeding the method’s 

adoption as a viable water treatment technology, in part because of the low solubility of Fe3+ in neutral pH 

waters, as well as the high concentrations of reactant needed far exceeding typical drinking water 

guidelines. Moreover, the circumneutral electro-synthesis of permanganate has yet to be pursued. 

 

A promising consideration which is yet to be addressed in the scientific literature is the exploitation of 

inorganic water contaminants and in particular, ambient raw water iron (Fe2+) and manganese (Mn2+), for 

the synthesis of highly oxidative ferrate and permanganate species. This electrochemical process would 

have an added benefit of conventional EO degradation of contaminants contained in the water matrix, while 

simultaneously synthesising the iron and manganese-based oxidants. Despite the mass transport limitations 

of the EO process, this study will address whether ferrate and permanganate can be generated with low 

oxidation state, low concentration Fe2+ and Mn2+, to meaningful levels that can enhance the conventional 

EO (direct and hydroxyl radical-mediated) water treatment process. 
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3. METHODS & MATERIALS 

 

 

3.1  Chapter Introduction 

 

This chapter provides a description of the experimental setup, methods and materials used throughout all 

of the studies. It describes firstly the electrochemical reactor and experimental setup used for all 

experiments (both oxidant generation and pollutant degradation studies), and then the materials, methods 

and experimental procedures used during the oxidant (ferrate and permanganate) generation study. 

Subsequently, a similar section is dedicated to the materials, methods and experimental procedures 

employed for the pollutant degradation investigation. Finally, a thorough summary of the analytical 

instruments, methods and materials used for the experimental analysis is provided.  

 

To complement the experimental and analytical information provided in this chapter, additional 

descriptions, data, calibration curves and example results (i.e., chromatograms, UV-spectrum results, etc.) 

are provided in Appendix A (Electrochemical Reactor Design), Appendix B (Solution Preparation and 

Procedures) and Appendix C (Analytical Method Determination and Analysis).  

 

 

3.2 Reactor and Experimental Apparatus  

 

All electrolysis experiments (oxidant generation and pollutant degradation) were conducted using a custom 

designed and fabricated parallel-plate, flow through electrochemical cell (see Figure 3.1). All components 

of the cell were fabricated with electrically inert polyvinyl chloride (PVC), with stainless steel hardware 

and braces used for assembly. Inert rubber was used for the o-rings and gaskets in the reactor assembly, 

between PVC plates, to prevent water leaking from the cell. All PVC components were made in the Civil 

& Environmental Engineering workshop at Imperial College London, while the stainless-steel brace plates 

were cut and fabricated at Pegasus Profiles Ltd. (Norfolk, UK). The anode was a commercially purchased 

chemical vapour deposited, thin-film (2-3 µm) monocrystalline BDD electrode (NeoCoat®), on a 2 mm 
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silicon substrate. The cathode material was austenitic, face centred cubic crystal stainless steel 304 (SS304) 

alloy (Pegasus Profiles Ltd.). Both the anode and cathode had dimensions of 50 x 50 x 2 mm and were 

separated by a 10 mm inter-electrode gap.  The assembled reactor was equipped with a Nafion-324 

perfluorinated proton exchange membrane (Sigma-Aldrich), centrally located between the anode and 

cathode, separating the anolyte and catholyte solutions. The Nafion membrane was incorporated into the 

reactor design to separate the anolyte and catholyte, thereby eliminating the possibility of ferrate and/or 

permanganate reduction at the cathode, after generation at the anode. The assembled cell is shown in Figure 

3.1, and a detailed description of each part of the reactor and its various unassembled components, and the 

design features, can be found in Appendix A.  

 

 

 
Figure 3.1. Assembled electrochemical reactor used throughout the oxidant generation and pollutant 

degradation studies. 

 

All experiments were conducted in a batch-recycle configuration with separated anolyte and catholyte 

solutions and vessels. The anolyte temperature was held constant at 21.0 ± 1.0°C using a thermo-regulated 

glass beaker and an Applied Thermal Control (ATC) Kt recirculating chiller. A single-drive Watson-

Marlow 505S peristaltic pump with two heads controlled both the anolyte and catholyte flowrate, which 

were both held constant at 355 mL min-1, with a complete recycle residence time of approximately 169 
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seconds. The anolyte solution was continuously stirred in the thermo-regulated anolyte vessel with a 

magnetic bar and stirrer. All tubing used for both the anolyte and catholyte solutions was silicone (VWR 

International Ltd.) with an inner diameter of 0.8 mm, connected to the reactor via stainless steel fittings and 

ferrules (Swagelok). Electrical current and potential were provided using a Keithley 2460-EC 

Electrochemistry Lab System potentiostat. The potentiostat was remotely controlled using Keithley 

KickStart instrument control software, which also recorded all of the current and potential data for all 

experiments. A simplified process flow diagram of the complete reactor apparatus is shown in Figure 3.2.  

 

 

 
Figure 3.2. Schematic diagram of the electrochemical reactor apparatus for oxidant generation and 

pollutant degradation experiments. 

 

 

3.3  Oxidant Generation Process 

 

The first set of experiments were dedicated to investigating the circumneutral electro-synthesis of ferrate 

and permanganate, using low concentrations of Fe2+ and Mn2+, respectively. The process and procedures 

employed for the investigation of each oxidant species were the same, except for the substitution of the 

appropriate oxidant precursor species, namely FeCl2 for ferrate synthesis and MnCl2 for permanganate 
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synthesis. The materials and methods for the ferrate and permanganate synthesis studies are outlined in the 

following two subsections.  

 

 

3.3.1  Materials 

 

The water matrix used for the anolyte and catholyte, for all experiments, was a 0.1 M phosphate buffer at a 

pH = 7.1, composed of ultrapure reverse osmosis (RO) water, NaH2PO4 (Fisher Scientific) and Na2HPO4 

(Fisher Scientific). The complete and detailed procedures for the phosphate buffer preparation procedures 

is found in Appendix B. The desired Fe2+ and Mn2+ concentrations were attained by addition of FeCl2 (Acros 

Organics) and MnCl2 (Acros Organics) to the phosphate buffer solution, respectively. Anolyte solutions 

with initial Fe2+ concentrations of 179, 54, 18 and 9 µM (10, 3.0, 1.0 and 0.5 mg L-1, respectively, were 

investigated for ferrate generation experiments. For permanganate generation experiments, initial Mn2+ 

concentrations of 182 and 55 µM (10.0 and 3.0 mg L-1, respectively, were used. Iron and manganese 

concentrations were chosen to represent both low and high levels, which may be present in raw 

groundwaters. The highest concentrations used where explored to better understand the effect of precursor 

iron and manganese cations concentrations on oxidant species generation. The catholyte was composed of 

only the phosphate buffer solution. The initial anolyte and catholyte volume for all experiments was 1000 

mL, however due to sampling throughout electrolysis, the anolyte volume reduced to roughly 900 mL 

depending on the initial Fe2+/Mn2+ concentration. During hydroxyl radical scavenger tests, HPLC grade 

(≥99.9) methanol (Sigma-Aldrich) was used in excess, at concentrations of either 2 mg mL-1 or 6 mg mL-1. 

 

 

3.3.2  Methods and Procedures 

 

The anolyte and catholyte were recirculated through the electrochemical reactor (as depicted in Figure 3.2) 

at a constant flow rate of 355 mL min-1, with the anolyte containing either Fe2+ or Mn2+. Three current 

density conditions were tested: 80, 40 and 10 mA cm-2. These current densities were chosen to yield a wide 

understanding of oxidant generation (and pollutant degradation) under a large variation in current density, 

as well as cell wide cell potential range. For each of the three current densities, samples were taken after 5, 

10, 15, 30, 45, 60, 90 and 120 minutes of electrolysis, and analysed for ferrate/permanganate (detailed 

procedures for oxidant quantification methods are given in section 3.5). Samples were drawn from the 

thermoregulated anolyte vessels. All experiments were repeated in either duplicate or triplicate, whereby 

more replicates were performed when a larger variation was observed between duplicate samples.    
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3.4  Pollutant Degradation Process 

 

Similar to the previously described oxidant synthesis process, the pollutant degradation process largely 

followed the same procedures, sampling schedule, and sampling intervals. In addition to the introduction 

of target pollutant chemicals (atrazine and PFOS), other materials were also used as organic scavenger 

species. A detailed summary of the materials and methods employed for the pollutant degradation 

experiments are outlined in the following two subsections.  

 

 

3.4.1  Materials 

 

The same phosphate buffer water matrix (pH = 7.1, RO water, NaH2PO4 and Na2HPO4) employed in the 

oxidant generation experiments was used for the pollutant degradation study for both the anolyte and 

catholyte. The same Fe2+ (54, 18 and 9 µM) and Mn2+ (182 and 55 µM) concentrations were used, plus an 

additional Fe2+ concentration of 179 µM (10 mg L-1) for the PFOS studies. Anolyte and catholyte volumes 

of 1000 mL were used once again. For the atrazine (Tokyo Chemicals Industry UK Ltd.) experiments, two 

initial concentrations of 9.3 and 0.93 μM (2 and 0.2 mg L-1, respectively) were studied, with the atrazine 

dosed into the anolyte solutions from a prepared stock solution of ~15 mg L-1 in phosphate buffer. Stock 

PFOS (Aldrich, ≥98.0%) solutions were prepared at ~50 μM (25 mg L-1) in ultrapure RO water and were 

used to prepare the anolyte solutions, which were investigated at 9.20 and 0.80 μM (4.6 and 0.4 mg L-1, 

respectively).  

 

Select conditions during both atrazine and PFOS studies were investigated using resorcinol (analytical 

reagent grade, Fisher Scientific) as a model dissolved organic carbon (DOC) scavenger, representative of 

low molecular weight oxidation by-product precursor species. Finally, synthetic real water experiments 

with PFOS were conducted using an RO isolated natural organic matter (NOM), collected from the raw 

water source at the Chellow Heights Water Treatment Plant (United Kingdom). The NOM extract was used 

to reach an initial dissolved organic concentration of 3.00 mg L-1 and UV-absorbance at 254 nm (UV254) of 

0.100 cm-1. Atrazine, PFOS, resorcinol and NOM stock solutions were all stored in the refrigerator at 4˚C 

to avoid degradation due to increased temperature and light exposure. NOM stock solutions were prepared 

and quantified daily, while all other stock solutions were prepared weekly. Further details of the preparation 

procedures for all stock solutions are given in Appendix B.  
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3.4.2  Methods and Procedures 

 

Similar procedures were employed for pollutant degradation experiments to those used for the oxidant 

generation studies. Once again, three current density conditions of 80, 40 and 10 mA cm-2 were investigated. 

In addition to control experiments involving no Fe2+ or Mn2+ addition (EO-only conditions), each of the 

aforementioned iron and manganese initial concentrations were added to the anolyte to investigate the 

extent of degradation due to the formation of ferrate and permanganate. The anolyte and catholyte were 

recirculated at a constant flow rate of 355 mL min-1. Samples for quantification of the target pollutant 

compound were taken after 5, 10, 15, 30, 45, 60, 90 and 120 minutes of electrolysis (quantification methods 

of atrazine and PFOS are outlined in the following section). Each sample was analysed immediately after 

sampling (see section 3.5), in order to get an accurate quantity of pollutant remaining, without the need for 

a quenching chemical, which may have further complicated UV and DOC analysis. The total DOC was 

measured throughout electrolysis, with samples taken after 15, 30, 60, 90 and 120 minutes of electrolysis 

and filtered using 0.45 μm cellulose nitrate membrane filters (Whatman, GE Healthcare Life Sciences). 

During organic scavenger experiments using resorcinol, the samples taken for target pollutant quantification 

were re-analysed for resorcinol quantification.  

 

In addition to EO-only and simultaneous EO-ferrate and EO-permanganate experiments, the effects of both 

ferrate and permanganate alone on the degradation of atrazine and PFOS were also explored. Ferrate and 

permanganate were electrochemically synthesised using the procedures outlined in section 3.3.2, without 

sampling throughout electrolysis. After 120 minutes, a sample was taken to confirm the max 

ferrate/permanganate concentration yielded during oxidant generation experiments was achieved. The 

ferrate/permanganate-containing anolyte was then pumped into the anolyte vessel (and not recirculated), 

dosed with atrazine/PFOS and stirred continuously over an additional 120 minutes. Samples were taken for 

atrazine/PFOS quantification after 5, 10, 15, 30, 45, 60, 90 and 120 minutes, with ferrate/permanganate 

analysis samples taken after 10, 15, 30, 60, 90 and 120 minutes.  

 

 

3.5  Analytical Methods 

 

3.5.1  Analytical Instruments 

 

A number of analytical instruments were used throughout the oxidant generation and pollutant degradation 

studies. The BDD surface analysis, namely diamond characterisation, was completed using a Bruker 
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Senterra II operating Opus 7.8 software Raman micro-spectrometer. A spectrophotometric method using 

the ultraviolet-visible (UV-vis) spectrophotometer (Shimadzu UV-4201PC spectrophotometer) was used 

for the quantification of ferrate, permanganate and methanol. Aqueous manganese concentrations were 

monitored using inductively coupled plasma – optical emission spectrometry (ICP-OES) (PerkinElmer – 

Avio 500). High performance liquid chromatography (HPLC) (Waters 2695 Separations Module and 

Waters 2996 Photodiode Array Detector) was employed for organic pollutant (atrazine and resorcinol) 

quantification, while ultra-high performance liquid chromatography-tandem mass spectrometry (UHPLC-

MS/MS) (Waters Synapt G2-Si high definition mass spectrometry) was used for PFOS quantification and 

oxidation by-product identification (for atrazine and PFOS). Finally, the DOC was quantified using a total 

organic carbon (TOC) analyser (Shimadzu ASI-V Total Organic Carbon Analyzer). A summary of the 

instruments and their application is represented in Table 3.1. 

 

Table 3.1. Summary of analytical instruments used and their applications.  

INSTRUMENT APPLICATION 

Raman Spectroscopy - BDD surface characterisation 

UV-Vis Spectrophotometry 

- Ferrate quantification 
- Permanganate quantification 
- Methanol quantification 
- NOM aromaticity 

ICP-OES - Aqueous manganese quantification 

HPLC - Atrazine quantification 
- Resorcinol quantification 

UHPLC-MS/MS 

- Atrazine oxidation by-product identification 
- PFOS quantification 
- PFOS oxidation by-product identification 

TOC Analyser - Dissolved organic carbon concentration 
 

 

3.5.2  Ferrate Quantification 

 

Three spectrophotometric methods for ferrate quantification have previously been developed which would 

be applicable to the conditions of this study (Cataldo-Hernández et al., 2017; Luo et al., 2011), however 

due to the low levels of ferrate synthesis that were expected, the indirect spectrophotometric method using 

2,2'-azino-bis(3-ethylbenzothiazoline-6-sulfonic acid) (ABTS) reagent (Sigma-Aldrich) method was 

chosen (Lee et al., 2005). In the presence of excess ABTS, ferrate oxidises ABTS with a 1:1 M ratio, 
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producing a light-absorbing radical cation (ABTS•+) with a visible UV absorption maximum at 415 nm (see 

Appendix C for the ABTS spectral analysis data for various ferrate concentrations).  

 

The ABTS method of analysis was chosen because of its sensitivity in quantifying ferrate, with levels of 

detection (LOD) and quantification (LOQ) of 0.1 and 0.4 μM, respectively. Ferrate standards were prepared 

using potassium ferrate (99%) (Guangzhou Kexing Chemicals Ltd.) in a concentration range of 0-4 mg L-

1. In a 25 mL volumetric flask, 5 mL of acetate buffer (pH = 4.1) and 1 mL of ABTS reagent (1 g L-1) were 

added (acetate buffer and ABTS reagent solution preparation procedures are outlined in Appendix B), in 

preparation for the addition of test samples. A defined volume (6-19 mL) of sample containing an unknown 

quantity of ferrate (or known quantity and concentration for yielding a calibration curve with ferrate 

standards) was then added to the prepared flasks. If the 25 mL flask was not filled (i.e., if the water sample 

added was less than 19 mL), the remaining volume was filled with the phosphate buffer used for all 

experimental water matrices. The ABTS samples were then analysed by UV-Vis spectrophotometry at 415 

nm in a 1 cm quartz cuvette. Ferrate concentrations were then determined from the absorption data, as 

follows: 

 

 [𝐹𝑒(𝑉𝐼)] =
∆𝐴+,-𝑉.
𝜀𝑙𝑉/

 [Eq.6] 

 

Where ΔA415, Vf, Ɛ, l and Vs represent the UV-absorbance at 415 nm, the final sample volume (25 mL), the 

absorption coefficient as determined by the prepared ferrate standards (10,915 M-1 cm-1), the cell path length 

(1 cm), and the volume of the sample extracted from the anolyte (5-15 mL), respectively.  

 

All recorded absorbances were data corrected with an absorbance blank, composed of the same base water 

matrix (phosphate buffer, unreacted ABTS reagent and acetate buffer). New ABTS reagent solutions were 

made prior to each electrolysis experiment with pure (RO treated) water and stored in the refrigerator at 

4˚C, to avoid degradation due to increased temperature and light exposure. Samples taken during ferrate 

generation experiments were added to the ABTS solution immediately, to avoid both the degradation of 

ferrate (prior to a subsequent addition to ABTS) and self-decay of ABTS. Immediately after sampling and 

addition to the ABTS solution, spectrophotometric analysis was conducted, once again to avoid the decay 

of ABTS•+ which could contribute to ultraviolet absorbance. 

 

Further details on the ABTS method for ferrate determination, as well as calibration curves and ABTS UV-

Vis spectrum data are included in Appendix C.  
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3.5.3  Permanganate Quantification 

 

Although permanganate has been used extensively in water and wastewater treatment processes, no widely 

accepted or cited method for its analytical quantification exists. Only a single method has been recently 

reported for aqueous permanganate quantification, which involves the use of graphene nanoplatelets (GNP) 

silver core-shell nanoparticles with dark-field optical microscopy (Ye et al., 2018). While this method 

provides a sensitive method of permanganate detection with a reported LOD of 0.05 µM (no reported LOQ), 

it is highly labour-intensive and complicated, requiring the fabrication of GNP@Ag nanoparticles, and the 

vortexing and incubation of samples prior to optical microscopic analysis. In view of these limitations, three 

spectrophotometric methods were developed and compared for the quantification of low concentrations 

(0.03-63 µM) of aqueous permanganate in neutral pH conditions. The analytical quantification techniques 

were presented in a peer-reviewed manuscript published in Chemosphere (McBeath et al., 2020c), however 

for the purposes of all experiments (except for select experiments using a high concentration of potassium 

permanganate), the indirect spectrophotometric technique employing the ABTS reagent was chosen. A 

complete overview of all three developed spectrophotometric techniques is provided in Appendix C, 

however, the ABTS method will be summarised below.  

 

The indirect ABTS method for permanganate quantification is similar to the previously described method 

for the quantification of ferrate. In a similar manner, permanganate in the presence of excess ABTS 

produces a highly light-absorbing radical cation product, which has a 1:1 molar ratio, as follows: 

 

 Mn7+ + ABTS → Mn6+ + ABTS•+ [R.23] 

 

The green radical cation product (ABTS•+) has a large molar absorption coefficient of 140,030 M-1 cm-1 (at 

415 nm), so the reaction between permanganate and ABTS provided a more sensitive detection method 

when compared to the two other developed techniques, involving the direct spectrophotometric 

determination (3340 M-1 cm-1 at 525 nm) and indirect spectrophotometric determination using sodium 

iodide (NaI) (61,130 M-1 cm-1 at 352 nm). The yielded LOD and LOQ for the ABTS method was 0.01 and 

0.03 μM, respectively. The ABTS sample preparation and analysis was the same as that described for ferrate 

quantification in section 3.5.2.  

 

Details of the two additionally developed quantification methods, as well as further details with respect to 

the ABTS method development for permanganate determination, can be found in Appendix C. Furthermore, 

calibration curves and UV-Vis spectral data are provided in Appendix C.  
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3.5.4  Methanol Quantification 

 

Methanol (HPLC grade ≥99.9, Sigma-Aldrich), used as a hydroxyl radical scavenger species, was 

quantified by an indirect spectrophotometric method using sodium nitroprusside (SNP) as a spectroscopic 

probe reagent (Zhan et al., 2010). The complete instructions for the preparation of the SNP chromogenic 

reagent solution are outlined in Appendix B, but involved a 10% (m/v) SNP, 10% (m/v) potassium 

ferricyanide and 5% sodium hydroxide (NaOH) solution. The quantification method involves a 1:1 reaction 

stoichiometry with SNP and methanol. The reagent solution had a maximum peak absorbance at 481 nm 

and a linear range reported between 0.02-6.0 mg mL-1. Methanol standard solutions for a calibration curve 

were prepared using LC-MS grade methanol (Fisher Chemicals). Further details concerning the SNP 

method for methanol determination, as well as the calibration curves, are included in Appendix C.  

 

 

3.5.5  Boron-Doped Diamond Characterisation 

 

The BDD electrode surface was analysed using Raman spectroscopy to determine the anode’s carbon 

quality (sp3/sp2), particularly the presence of graphite impurities within the diamond electrode. Raman 

micro-spectroscopy was performed using a 532 nm laser at 25 mW. Imaging was conducted in a spectral 

range of 1200 ab, 50-1420 and 1410-2530 cm-1, with a resolution of 0.5 cm-1, two co-additions, an open 

and a 15 µm aperture, and an integration time of 1000 ms.   

 

 

3.5.6  Aqueous Manganese Quantification 

 

Total dissolved manganese was quantified by ICP-OES. Samples were filtered prior to analysis using 0.45 

μm cellulose nitrate membrane filters (Whatman, GE Healthcare Life Sciences) and acidified with nitric 

acid (Sigma-Aldrich) to a 1 M final concentration. Manganese calibration was performed using an ICP 23 

multi-element standard solution diluted in nitric acid (Merck) and all samples were measured in both the 

axial and radial direction. Quality control checks were performed every ten or fifteen samples. All glassware 

and syringe filter housings were soaked in 10% v/v nitric acid for at least 24 hours prior to being used and 

rinsed with ultrapure reverse osmosis water. The ICP-OES total aqueous manganese calibration curve can 

be found in Appendix C. 
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3.5.7  Atrazine Quantification and By-Product Identification  

 

The atrazine concentration was determined using HPLC, equipped with a Phenomenex Luna C18 column 

(250 x 2.0 mm, 5 µm) and a UV detector at 224 nm. A column temperature of 55ºC and mobile phase flow 

rate of 0.45 mL min-1 was used. The mobile phase was a 50%/50% composition of LC-MS grade water 

(Fisher Chemicals) and LC-MS grade acetonitrile (Honeywell). An injection volume of 10 μL was used 

with an overall runtime of 5 minutes for each sample. Atrazine concentrations were determined throughout 

each oxidation process, specifically at electrolysis times of 5, 10, 15, 30, 45, 60, 90 and 120 minutes. A 

sample chromatogram can be seen in Appendix C. The LOD and LOQ for the atrazine using this HPLC 

method was determined to be 0.01 and 0.04 mg L-1, respectively. 

 

Atrazine oxidation by-products were identified by UHPLC-MS/MS, using the positive electrospray 

ionization (ESI) technique. An Acquity UHPLC BEH C18 column (2.1 x 100 mm, 1.7 μm particle size), 

with a column temperature of 55ºC and mobile phase flow rate of 0.250 mL min-1 was used. The mobile 

phase was composed of LC-MS grade water (Fisher Chemicals) with 0.1 % formic acid (VWR) and LC-

MS grade acetonitrile (Honeywell), at a 50%/50% composition. Each sample had an injection volume of 

10 μL and was analysed for 5 minutes. Other relevant MS analysis conditions are summarised in Table 3.2. 

The MS was controlled using MassLynx V4.1 software, while all post-processing and data analysis was 

completed using UNIFI software. 

 

Table 3.2. Mass spectrometry analysis conditions for atrazine degradation by-product identification.  

SOURCE 

Capillary (kV) 1.00 

Sampling Cone 40 

Source Offset 80 

TEMPERATURE 
Source (ºC) 150 

Desolvation (ºC) 150 

GAS FLOW 

Cone Gas (L h-1) 30 

Desolvation Gas (L h-1) 800 

Nebuliser (bar) 6.5 
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3.5.8  PFOS Quantification and By-Product Identification 

 

PFOS was quantified by UHPLC-MS/MS, operating in the negative ESI mode with the multiple reaction 

monitoring (MRM) analysis. Two PFOS fragments were monitored (99.000 and 80.000 Da), with a trap 

collision energy of 38-40 eV. An Acquity UHPLC BEH C18 column (2.1 x 50 mm, 1.7 μm particle size), 

with a column temperature of 50ºC and mobile phase flow rate of 0.50 mL min-1 was used. The mobile 

phase was composed of 2 mM ammonium acetate (Sigma-Aldrich, eluent additive for LC-MS) buffer in 

LC-MS grade water (Fisher Chemicals) and LC-MS grade methanol (Fisher Chemicals), at an initial 

composition of 70%/30%, with a gradient increase to 0%/100% over 6 minutes of analysis per sample (see 

Appendix C Table C.2, for exact mobile phase gradient schedule), with an injection volume of 15 μL. All 

other relevant UHPLC and MS analysis conditions are given in Table 3.3. PFOS concentrations were 

determined throughout each oxidation process, specifically at electrolysis times of 5, 10, 15, 30, 45, 60, 90 

and 120 minutes. The LOD and LOQ for PFOS using this method was determined to be 0.002 and 0.007 

μg L-1, respectively. 

 

Table 3.3. Mass spectrometry analysis conditions for PFOS quantification. 

SOURCE 

Capillary (kV) 0.44 

Sampling Cone 60 

Source Offset 80 

TEMPERATURE 
Source (ºC) 150 

Desolvation (ºC) 650 

GAS FLOW 

Cone Gas (L h-1) 30 

Desolvation Gas (L h-1) 1200 

Nebuliser (bar) 6.5 
 

 

PFOS oxidation by-products were identified using the UHPLC-MS/MS, once again operating in the 

negative ESI mode, however, unlike PFOS quantification, an MS analysis was performed. Because the 

analysis was done in MS mode, no collision energy or fragments were considered, but all other conditions 

(column, column temperature, injection volume, mobile phase composition and flow rate, etc.) remained 

the same as that previously described for PFOS quantification. For both PFOS quantification and by-

identification, MassLynx V4.1 software was used to control the instrument, while all post-processing and 

data analysis were completed using UNIFI software. Examples of both MassLynx and UNIFI 

chromatograph for PFOS analysis are included in Appendix C.  
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3.5.9  Natural Organic Matter Characterisation  

 

NOM was characterised in terms of DOC and UV254 absorbance, using a TOC analyser and UV-Vis 

spectrophotometer, respectively. Prior to analysis, water samples were filtered using a 0.45 μm cellulose 

nitrate membrane syringe filter (Whatman, GE Healthcare Life Sciences). The non-purgeable organic 

carbon (NPOC) method, based on the UV-persulphate oxidation, was used for TOC analysis with an 

injection volume of 2500 μL and four injections per sample. The TOC analyser was calibrated with prepared 

potassium hydrogen phthalate (Fisher Scientific) standards. Two calibrations were used for the analysis of 

experimental samples and NOM stock solutions, in the DOC range of 0-5 mg L-1 and 0-10 mg L-1, 

respectively.  

 

UV254 absorbance, a common analytical parameter for NOM and its aromaticity, was obtained using UV-

vis spectrophotometry at a wavelength of 254 nm. All samples were performed in triplicates using a 1 cm 

quartz cuvette. All recorded absorbances were data corrected with an absorbance blank, composed of the 

same base water matrix (phosphate buffer), without the addition of NOM. 

 

 

3.5.10  Cyclic Voltammetry  

 

Cyclic voltammetry (CV) analysis was conducted using a Solartron 1470E potentiostat in a phosphate 

buffer water matrix, with a 45 x 24 mm BDD thin film monocrystalline anode on a silicon substrate 

(NeoCoat®), a Ag/AgCl reference electrode (=0.197 VSHE) (Pine Research) and a Pt cathode, to inhibit 

electrochemical current limitations (decreasing the flow of charge) to the working electrode by minimising 

the overpotential of the hydrogen evolution reaction. A scan rate of 10 mV s-1 was used to yield well-defined 

voltammograms and these were determined through a trial-and-error process. CV scans were conducted 

over an oxidation potential range of 1.4-2.8 VAg/AgCl. 

 

 

3.6  Computational Fluid Dynamics Modelling 

 

The 3-dimensional water velocity profile in the electrochemical cell was simulated using the computational 

fluid dynamics (CFD) modelling module in COMSOL Multiphysics® software. Flow was modelled in a 

laminar regime, and the reactor entrance was modelled as an inlet with known volumetric flow rate, while 

the outlet was modelled with constant hydrostatic pressure, and the reactor walls were modelled as a no-
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slip boundary. The water hydrodynamics were assumed to be independent of the electrostatic interactions 

with the charged electrodes, as the electrostatic interaction of the walls with polar, uncharged water is 

limited to a 10 nm layer, which is 5-6 orders of magnitude less than the inter-electrode gap (Nouri-

Khorasani et al., 2014). A further assumption was that the presence of ions had no significant influence on 

water velocity distribution, owing to their negligible effect on the water viscosity. Finally, the small amount 

of oxygen gas possibly generated during the process was also assumed to have negligible effects on water 

velocity, as the convective mass transport from the recirculation pump would far exceed that generated by 

small bubble formation.  

 

 

3.7  Chapter Conclusion 

 

This chapter summarises the experimental methods and procedures, as well as the analytical methods used 

throughout the oxidant generation and pollutant degradation studies. Supplemental data, figures and 

information to complement that which is provided in this chapter, regarding the experiment apparatus, 

experimental solutions and analytical method conditions and procedures, can be found in Appendix A 

(Electrochemical Reactor Design), Appendix B (Solution Preparation and Procedures) and Appendix C 

(Analytical Method Determination and Analysis), respectively. An abbreviated description of the 

experimental and analytical methods and materials described in this chapter, specific to each of the 

experiments and results (Chapters 4-6), will also be provided in the following chapters.  
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4. ELECTROCHEMICAL OXIDANT GENERATION 

 

 

4.1  Chapter Introduction 

 

Despite the research currently available in the literature, a gap in knowledge exists around the circumneutral 

electrochemical generation of ferrate and permanganate species. In particular, the effects of transport 

phenomena, electrochemical variables and oxidation pathways of ferrate and permanganate generation 

require further research. The research described in this chapter address these gaps in knowledge by 

investigating the electrochemical generation of ferrate and permanganate, using an inert BDD electrode, 

with low Fe2+ and Mn2+ reactant concentrations and neutral pH conditions, for potential application as a 

possible alternative drinking water treatment technology for small and remote system applications. 

Moreover, a mathematical model was developed to describe the effects of mass transport on the oxidant 

generation, as well as to confirm laboratory results with those expected from theory. A preliminary 

investigation of the electrochemical cell and BDD electrode is also presented, to reveal any limitations that 

may exist in oxidant generation due to reactor design or anode material considerations.  

 

Further details on the two mathematical models presented in this chapter can be found in Appendix D (Iron 

and Manganese Oxidation Model Development). Additionally, the complete set of experimental results for 

all oxidant generation experiments are presented in Appendix E (Experimental Data and Results). 

 

 

4.2 Methods and Materials  

 

4.2.1  Experimental Apparatus and Procedures 

 

All experiments were conducted using the batch-recycle reactor configuration with separated anolyte and 

catholyte compartments, as described in Chapter 3. The anolyte water temperature was held constant 

throughout all experiments at 21.8 ± 0.8°C, with a constant flow rate of 355 mL min-1 for both the anolyte 
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and catholyte. All experiments were conducted in galvanostatic (constant current) operations using a 

potentiostat, investigating three current density conditions: 10, 40 and 80 mA cm-2. All water matrices 

(anolyte and catholyte) were composed of the phosphate buffer (see Chapter 3 and Appendix B for more 

information), with the addition of FeCl2 and MnCl2 to the anolyte to reach the desired Fe2+ and Mn2+ initial 

concentrations for ferrate and permanganate experiments, respectively. Ferrate synthesis experiments were 

conducted with initial Fe2+ concentrations of 179, 54, 18 and 9 µM (10, 3.0, 1.0 and 0.5 mg L-1 respectively).  

Permanganate synthesis experiments were conducted with initial Mn2+ concentrations of 182 and 55 µM 

(10.0 and 3.0 mg L-1, respectively). Samples were taken at nine intervals (0, 5, 10, 15, 50, 45, 60, 90 and 

120 minutes) throughout the 120-minute electrolysis period for ferrate/permanganate analysis. Mostly, all 

experiments were carried out in triplicates (duplicates or quadruplicates were performed for select 

conditions).  

 

 

4.2.2  Analytical Methods 

 

The BDD electrode material was analysed using Raman spectroscopy to determine the carbon quality and 

prevalence of graphite impurities. Ferrate and permanganate analysis were completed using the indirect 

spectrophotometric ABTS method, as described previously in Chapter 3 (and Appendix C). Cyclic 

voltammetry analysis was conducted using a three-electrode setup, to determine the direct electrochemical 

reactions occurring on the BDD surface (i.e., non-hydroxyl radical mediated reactions). A complete 

description of the analytical techniques has been described previously, in Chapter 3.  

 

 

4.3  Reactor Design and Anode Surface Analysis  

 

In order to minimise error associated with the analysis of ferrate and permanganate generation, it was 

important to understand the transport phenomena of the electrolytic cell, as well as the quality of the 

commercially purchased electrode. Errors that may arise associated with the cell include a high variability 

of water flow velocity across the electrode surface, resulting in areas of stagnant flow, poor mixing, 

unevenly distributed reactant input and variations in the local current density distribution (McBeath et al., 

2020b). Errors that may be associated with the BDD anode include graphite impurities leading to decreased 

anodic functionality and oxidative properties (Cañizares et al., 2008; Guinea et al., 2009; Souza et al., 2016), 

including lowering of the current efficiency due to the increased prevalence of the OER (Martin et al., 

1996).  
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4.3.1  Reactor Fluid Dynamics Analysis  

 

To understand the transport phenomena within the electrolytic cell, particularly to confirm an evenly 

distributed flow throughout the electro-active volume (between the anode and cathode) of the 

electrochemical cell, CFD modelling was used. To minimise computational effort, only half of the cell was 

modelled, as mass transport phenomena are symmetrical in the anolyte and catholyte, whereby the Nafion 

proton exchange membrane separating the anodic and cathodic chambers of the cell is the plane of 

symmetry. 

 

 
Figure 4.1. Electrochemical reactor (left) and corresponding CFD model (symmetrical half-cell) with 

length- and width-oriented flow velocity profiles (right).  

 

The reactor design incorporated flow channels between the water inlet and electroactive volume (see Figure 

4.1 and Appendix A), which helped to distribute flow between and over the electrodes. From the generated 

CFD model, it was observed that fluid flow was evenly distributed over the electrode surfaces, thereby 

minimising any current density distribution variations that may arise due to local transport phenomena 

variations (McBeath et al., 2020b). If highly variable flow exists over the electrode surface, current can be 

distributed unevenly (yielding areas of high electrical current flow and areas of little or no current flow) 

and therefore is not representative of the intended applied current density. Furthermore, no stagnant areas 

were observed, ensuring that reactant concentrations were evenly distributed and no accumulation of 
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Fe2+/Mn2+ and/or Fe6+/Mn7+, respectively, in the cell occurred. This evaluation of fluid flow within the 

electrolytic cell was an important consideration when developing the mathematical model presented in 

section 4.4.2.  

 

 

4.3.2  Boron-Doped Diamond Electrode Analysis 

 

BDD electrodes have been widely reported to have the greatest electrical potential range without the 

occurrence of reactions involving the decomposition of water (-1.25 to 2.7 VSHE) (Kraft, 2007), thereby 

minimizing parasitic reactions like hydrogen and oxygen evolution at relatively low and high potentials, 

respectively. This potential range is known to decrease with electrode quality, evaluated by the sp3/sp2 

carbon ratio, which describes graphite impurities within the diamond electrode. When graphite impurities 

exist, the OER will occur at lower operating potentials, thereby decreasing the prevalence of hydroxyl 

radical formation or other oxidation reactions that may occur at the anode surface (Martin et al., 1996),  

which is important for both the generation of ferrate and permanganate, as well as the oxidation of any 

pollutant species. The quality and performance of the BDD electrodes can depend highly on several 

variables, including the preparation method and doping level, as well as the occurrence of impurities. 

 

Raman micro-spectroscopic analysis was used to evaluate the quality of the commercially purchased BDD 

electrode. Two distinct peaks were observed in the Raman spectrum at 520 and 1332 cm-1 (indicated by 

blue lines in Figure 4.2). These two peaks are characteristic of silicon and diamond, respectively (Ricci et 

al., 2005). The large Raman shift associated with silicon is due to the electrode substrate, on which the thin 

film boron-doped diamond has been chemically vapour deposited. When graphite impurities exist, a peak 

would be present at 1580 cm-1 (indicated by the red line in Figure 4.2), which was not observed in the 

analysed spectrum, indicating a high sp3/sp2 carbon ratio and consequently a high purity electrode.  

 



 - 59 - 

 
Figure 4.2. Raman micro-spectroscopic analysis of the BDD electrode with visible silicon (520 cm-1) and 

diamond (1332 cm-1) peaks (blue lines), but with no visible graphite peak at 1580 cm-1 (red line). 

 

 

4.4  Electrochemical Ferrate Synthesis 

 

The two main variables affecting ferrate synthesis which were investigated included the operating current 

density (10, 40 and 80 mA cm-2) and initial iron (Fe2+) concentration (179, 54, 18 and 9 µM). These two 

variables provided information about both the kinetic and mass transport limitations of the synthesis 

process, respectively. The following section will outline the ferrate synthesis results, as well as the 

mathematical model developed to help confirm the lab-yielded data with that which would be predicted by 

theory. Moreover, the electrochemical ferrate synthesis mechanism is investigated.  

 

 

4.4.1  Initial Iron Concentration 

 

Ferrate generation was investigated at a current density of 40 mA cm-2, at four initial Fe2+ concentrations 

of 179, 54, 18 and 9 µM. As the initial reactant (Fe2+) concentration decreased, as did the generation of 

ferrate, reaching a final concentration of 18.4 (±0.7), 3.1 (±0.2), 0.9 (±0.2) and 0.4 (±0.06) µM after 120 

minutes of electrolysis, respectively (see Figure 4.3). The corresponding ferrate yields for each of the initial 
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iron concentrations were 10.8, 5.2, 5.0 and 4.7 % respectively, which highlights the decreased process 

efficiency as the initial Fe2+ concentration decreases. Decreased ferrate generation would be expected with 

a lower initial Fe2+ concentration due to the decreased concentration gradient (CFe(II)/dx) and the subsequent 

effect on the diffusive reactant flux towards the electrode surface, as described by Fick’s Law of diffusion 

(Eq.1, Chapter 2). According to Fick’s Law, at a constant diffusion layer thickness (dx), the diffusive mass 

flux of Fe2+ would be 1/3 and 1/6 of that achieved at 54 µM for the 18 and 9 µM concentrations, respectively. 

Consequently, the yielded final ferrate concentrations for the 18 and 9 µM Fe2+ tests were found to be very 

near to 1/3 and 1/6 of that yielded during 54 µM tests, respectively. At the highest Fe2+ concentration of 

179 µM, however, the ferrate yielded exceeded that which would be predicted based purely on the diffusion 

limitations described by Fick’s Law. This phenomenon will be elucidated further in the following 

subsection.  

 

 
Figure 4.3. Ferrate generation at 40 mA/cm2 over 120 min of electrolysis (pH = 7.1, T = 20.5 ± 0.4°C), 

with the inset plot magnifying the three lowest initial Fe2+ concentrations.  

 

4.4.2  Current Density  

 

Typical operating cell potentials of 6.2-6.6, 14.1-14.7 and 17.9-18.4 V were yielded during 10, 40 and 80 

mA cm-2 respectively, regardless of the initial Fe2+ concentration. Voltages are highly dependent on a 

0

4

8

12

16

20

24

0 20 40 60 80 100 120

[F
eO

42-
], 

µM

Electrolysis Time, min

Fe(II) = 179 uM Fe(II) = 54 uM
Fe(II) = 18 uM Fe(II) = 9 uM

0

1

2

3

4

0 40 80 120



 - 61 - 

number of conditions and parameters, including solution conductivity and applied current, as well as cell 

parameters like inter-electrode gap and electrode surface area, all of which affect the resistance associated 

with the electrochemical cell. For the conditions tested, the inter-electrode gap and water conductivity 

remain constant, therefore as the applied current increases, the potential will increase, as described by 

Ohm’s law.  

 

Ferrate generation was first investigated at an initial Fe2+ concentration of 54 µM, monitored regularly 

throughout 120 minutes of electrolysis. For all three current density conditions, no significant differences 

in ferrate synthesis were observed, indicating a diffusion transfer limited process. At 10, 40 and 80 mA cm-

2, the final ferrate concentrations after 120 min of electrolysis were 3.1 (±0.2), 2.8 (±0.2) and 3.3 (±0.2) µM 

(see Figure 4.4), respectively. While the highest current density was observed to slightly outperform the 

two lower current densities, an overlap within their respective standard deviations existed and therefore the 

rate limiting step was attributed to the diffusion of Fe2+ cations through the Nernst diffusion layer.   

 

 
Figure 4.4. Ferrate generation with an initial Fe2+

 = 54 µM over 120 min of electrolysis (pH = 7.1, T = 

21.8 ± 0.8°C). 

 

Other researchers have observed a correlation between increased ferrate synthesis with an increase in 

current density when using Fe3+ as the initial iron reactant species (Cataldo-Hernández et al., 2019; Diaz et 

al., 2019). In these studies, however, significantly greater initial concentrations of iron were used (10-50 

mM), thereby minimising the mass transfer limitations associated with the electrochemical process. When 

a high concentration of some species is present in solution, a larger concentration gradient (dCi/dx) exists 
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over the diffusion layer. Under a constant diffusion layer thickness, the diffusive mass flux of that species 

towards the electrode surface also increases, as governed by Fick’s law of diffusion (Eq.1, Chapter 2).  

 

To investigate this further, the effect of current density at a significantly greater initial Fe2+ concentration 

of 179 µM was investigated. In these conditions the process was no longer diffusion limited, whereby 

ferrate generation was observed to be affected by the operating current density. Like previous studies 

investigating the circumneutral electro-synthesis of ferrate using BDD electrodes and high concentrations 

of Fe3+ (Cataldo-Hernández et al., 2019, 2018), an increase in current density correlated with an increase in 

ferrate synthesis, reaching maximum concentrations of 13.9 (±0.5), 18.4 (±0.7) and 28.7 (±4.5) µM after 

120 minutes during 10, 40 and 80 mA cm-2 electrolysis, respectively, (see Figure 4.5), corresponding to 

ferrate yields of 7.8, 10.3 and 16.0 %.  

 

 
Figure 4.5. Ferrate generation with an initial Fe2+

 = 179 µM over 120 min of electrolysis (pH = 7.1, T = 

21.8 ± 0.8°C). 

 

Although aqueous iron concentrations are unlikely to reach concentrations as high as 179 µM (10 mg L-1) 

in raw water sources used as drinking water supplies, these results agree with the previous literature which 

observed current density effects on ferrate generation. At low Fe concentrations, like those typical of natural 

raw waters (< 18 µM, 1 mg L-1), the available sites for iron oxidation (Fe2+→Fe6+) at the electrode surface 

are much greater than the concentration of iron at the electrode surface. Therefore, with no supplemental 

chemical iron addition, the ferrate generation process would likely be in a range of diffusion limitation, 

particularly for drinking water treatment applications.  
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Although the iron conversion was low due to the diffusion limited process when an initial Fe2+ concentration 

≤ 54 µM was used, the yielded >3 µM ferrate concentration may be adequate enough in a water treatment 

process to be a useful oxidant and/or disinfectant. It has been previously observed that when operating with 

a ferrate to pollutant ratio of 3:1 to 15:1, the abatement of benzene, cholorobenzene, allylbenzene and 

phenol was 18-47%, 23-47%, 85-100% and 32-55%, respectively (Waite and Glbert, 1978). The removal 

of inorganic pollutants like ammonia was also observed to be effective, yielding a reduction of more than 

22% when a ferrate:ammonia ratio was greater than one (Sharma et al., 1998). Furthermore, the treatment 

of viruses has also been shown to be effective with low ferrate concentrations, whereby the f2 Coliphage 

virus inactivation reached 99% after 5.7 minutes, at neutral pH and 8 µM ferrate concentration (Schink and 

Waite, 1980).  

 

 

4.4.3  Ferrate Synthesis Model 

 

To confirm the previously described mass-transfer limited kinetics, a mathematical model was developed 

to describe the synthesis of ferrates from Fe2+ reactant, as previously reported for the generation of ferrates 

from Fe3+ reactant (Cataldo-Hernández et al., 2019). From the developed CFD model, the assumption of 

plug flow conditions (no large velocity and reactant concentration variations) was substantiated. An 

additional assumption was that the system and kinetics were completely mass transfer limited, as observed 

in the diffusion limited ferrate generation data described earlier in the previous section.  

 

The model was developed using a mole balance of both the electrochemical reactor and anolyte reservoir, 

with the appropriate boundary and initial conditions defined, and solving the resulting differential 

equations. The complete derivation of the model is detailed in Appendix D (Iron and Manganese Oxidation 

Model Development). The resulting expression describes the concentration of generated ferrate (CFe(VI)), as 

a function of the time of electrolysis (t), the Fe2+ mass transport coefficient (km) and the ferrate first-order 

degradation rate constant (kd): 

 

 𝐶!"($%)(𝐼𝑁, 𝑡) = 𝑿(1 − exp(−𝒀𝑡))𝐶!"(%%) [Eq.7] 

 

where, 
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# )'$
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1 − 𝑒𝑥𝑝 6−7𝑘*𝛿 + 𝑘+; 𝑡,<

1 + 𝑘+𝑡- − 𝑒𝑥𝑝 6−7
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= [Eq.8] 

 

 𝒀 =
1 + 𝑘+𝑡- − 𝑒𝑥𝑝 6−7

𝑘*
𝛿 + 𝑘+; 𝑡,<

𝑡$
 [Eq.9] 

 

Other variables included in the final expression of the derived model are the inter-electrode gap (d), reactor 

residence time (tR), and anolyte reservoir residence time (tV). Using the Curve Fitting Tool in MATLAB 

2019b, the mass transport coefficient (km) and degradation rate constant (kd) were determined to be 1.86×10-

9 m s-1 and 1.79 x 10-7 s-1, respectively. The model and experimental data are in reasonable agreement (R2 

= 0.89), confirming that the observed ferrate generation results behave in a manner predictable by theory 

(see Figure 4.6). When linearizing the model through the assumption that ferrate degradation is negligible 

(i.e., kd = 0), the generation data significantly deviates from the mathematical model (R2 = 0.66). This 

indicates that the continuous reduction of generated ferrates due to degradation is a significant process 

ultimately governing the ferrate concentration at any time throughout electrolysis. Ferrate self-

decomposition has been quantified and reported previously at a rate of kd = 26 M-1 s-1 in neutral pH 

conditions (Lee et al., 2014). Since a proton exchange membrane was used for all tests, ferrate degradation 

due to cathodic reduction can be neglected. Other mechanisms of ferrate degradation may be due to 

interactions with lower oxidation state iron cations, as well as interactions with other electrolyte ions 

(mono- and dibasic sodium phosphate used for the buffer) present in the water matrix. 

 

When fitting the model to the three Fe2+ concentrations (54, 18 and 9 µM) investigated, a good relationship 

was observed with experimental data. As initial Fe2+ concentration increases, it would be expected that 

model derived mass transfer coefficients increase due to the greater concentration gradient across the Nernst 

diffusion layer. It was observed that as the Fe2+ concentration increased from 9 to 18 µM, the mass transfer 

coefficients increased from 2.5 x 10-8 m s-1 (R2=0.93) to 2.8 x 10-8 m s-1 (R2=0.88), however at 54 µM the 

model yielded a km = 2.4 x 10-9 m s-1 (R2=0.87), which is inconsistent with the theory (law of diffusion). 

This inconsistency may simply be due to the variance between model and experimentally derived results, 

or attributed to some other phenomenon such as an incorrect assumption that no Fe2+ exists at the electrode 

surface (i.e., oxidation of Fe2+ to Fe6+ is not instantaneous and some accumulation of lower oxidation state 

Fe exists at the electrode surface, decreasing CFe(II)/dx). When considering the degradation coefficients, it 

is important also to consider the effect of unreacted Fe2+ or partially reacted intermediate oxidation state 

species of iron not considered in the model (Fe3+,4+,5+). While some ferrate self-decomposition may be due 
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to inter-species interactions (Fe6+-Fe6+) (Lee et al., 2014), a greater probability of ferrate reduction would 

be due to interactions with other iron species of lower oxidation states (Fe2+,3+) or synthesized iron oxides 

and hydroxides.  

 

 
Figure 4.6. Ferrate generation model fitted with experimental yielded data during 10 mA cm-2 electrolysis 

(pH = 7, [Fe2+]0 = 54 µM) (R2 = 0.89). 

 

Given the reasonable relationships observed between experimentally yielded data and the mathematical 

model, theoretical reactor design considerations can be recommended to increase the overall generation of 

ferrates. If all water variables are held constant (temperature, iron concentration, flow, etc.) to those used 

in this study, theoretical ferrate generation could be increased by decreasing the anolyte vessel residence 

time (tV) or increasing the reactor residence time (tR). Another consideration that would greatly increase 

ferrate generation would be reducing the inter-electrode gap (d). In doing so, the process operating costs 

would also reduce due to decreased cell potentials, as the distance between the anode and cathode greatly 

affects the ohmic drop associated with electrolyte resistance, as described by Ohm’s law. 

 

 

4.4.4  Ferrate Generation Mechanism 

 

The previous discussion has highlighted the mass transport limitations for the in-situ production of ferrates 

using low Fe2+ concentrations. Although it is known that the rate limiting step is due to reactant diffusion 
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to the electrode surface, where the synthesis of ferrates occurs, the exact mechanism has been largely 

unreported or speculated. In general, two clear mechanisms are likely responsible for the oxidation of 

Fe2+/Fe3+ to ferrate (FeO4
2-): (1) the direct electron transfer (direct oxidation) at the electrode surface (R.24), 

or (2) the hydroxyl radical mediated oxidation at the electrode surface (R.25).  

 

 BDD(Fe2+) + 4H2O → FeO4
2- + 8H+ + 4e- [R.24] 

 BDD(4•OH) + Fe2+ → FeO4
2- + 4H+ [R.25] 

 

Using cyclic voltammetry, it was observed that direct oxidation (R.24) has some role in ferrate generation, 

although it cannot indicate the occurrence (or non-occurrence) of hydroxyl radical mediated oxidation 

(R.25). While the steep increase in current, as voltage increases to 2.8 VAg/AgCl, is characteristic of the OER, 

a small peak was visible at 2.1-2.3 VAg/AgCl in the current signal for all cycles (see Figure 4.7). This small 

peak indicates the oxidation of an iron species at the electrode surface. Similar results indicating direct 

electron transfer during ferrate generation (using Fe3+) have been reported during linear sweep voltammetry 

(Cataldo-Hernández et al., 2018) and cyclic voltammetry (Villanueva-Rodríguez et al., 2012).  

 

 
Figure 4.7. Cyclic voltammogram of FeCl2 (5 mM) in phosphate buffer water matrix (pH = 7), at a 10 

mV s-1 scan rate. 

 

To better understand the extent of hydroxyl radical mediated - versus - direct oxidation, a strong hydroxyl 

radical scavenger, methanol (MeOH), was used during further electrolysis experiments. MeOH was chosen 

as a suitable hydroxyl radical scavenger as it has been previously demonstrated to be oxidized solely via 
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hydroxyl radicals (kOH ~ 9.7 x 108 M-1s-1 (Buxton et al., 1988)) and not by direct oxidation during BDD 

electro-oxidation (Kapałka et al., 2009; Kisacik et al., 2013). The constant pseudo-steady-state methanol 

degradation during 10, 40 and 80 mA cm-2 operations was first determined using an initial MeOH 

concentration of 62.5 mM (2 mg mL-1) in the phosphate buffer water matrix, without iron addition. MeOH 

was measured over constant intervals throughout the electrolysis operating in batch-recycle mode. The 

apparent first-order reaction rate constants were obtained by linearizing the degradation data, yielding k’ = 

2.77 x 10-2, 7.31 x 10-2 and 1.73 x 10-1 min-1 for 10, 40 and 80 mA cm-2 electrolysis, respectively (see Figure 

4.8). The results indicated a significantly greater generation of hydroxyl radicals as current density 

increased, as would be predicted by Faraday’s law.  

 

 
Figure 4.8. Hydroxyl radical scavenger (MeOH) degradation during 10, 40 and 80 mA cm-2 electrolysis 

([MeOH]0 = 62.5 mM, pH = 7, T = 21.0 ± 0.8°C). 

 

Since hydroxyl radicals are continuously generated at the electrode surface, MeOH degradation is described 

well by pseudo-first order kinetics, as the concentration of hydroxyl radicals remains relatively unchanged 

and is continuously replenished throughout electrolysis (as described by Eq.3 and Eq.4 in Chapter 2). Since 

the second-order rate constant (kOH) of hydroxyl radicals and MeOH is known to be ~ 9.7 x 108 M-1 s-1 

(Buxton et al., 1988), the concentration of hydroxyl radicals at the various current density conditions can 

be calculated using the observed pseudo first-order reaction rate constants (k’). As expected, the yielded k’ 

values (and corresponding hydroxyl radical concentrations) increase linearly with current density (see 

Figure 4.9). 
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Figure 4.9. MeOH pseudo first-order degradation rate constants via BDD hydroxyl radical oxidation. 

 

Methanol was then added in excess and held constant at 1.87 mM (6 mg mL-1) to the water matrix used for 

all previous ferrate generation tests, to again act as a hydroxyl radical scavenger. For all three current 

densities used, it was observed that ferrate production was reduced to just below 50% of the concentrations 

yielded during non-scavenged synthesis experiments (see Figure 4.10). For all three current densities tested, 

no significant differences in ferrate generation were observed (similar to the trend observed during non-

scavenged experiments), suggesting a limited role associated with direct electron transfer at the electrode 

surface versus hydroxyl radical mediated ferrate synthesis. 

 

Since methanol has been shown previously to be degraded by hydroxyl radicals and not direct oxidation 

during BDD electrolysis (Kapałka et al., 2009; Kisacik et al., 2013), it can be concluded that over 50% of 

the ferrate production was mediated through hydroxyl radical oxidation, while the remainder can be 

attributed to direct oxidation and/or mediated by other small concentrations of oxidants formed from the 

supporting electrolyte, such as peroxodiphosphate (P2O8
4-) (Cañizares et al., 2009). 

 

The scavenger tests further confirmed the data obtained during the non-scavenged tests and model results 

indicating that ferrate synthesis is a mass transfer limited process. Despite increased production of hydroxyl 

radicals as current density increases, the generation of ferrate remains constant due to the rate limiting step 

of Fe2+ reactant diffusion from the bulk water solution to the electrode surface. Ferrate generation can 

increase by increasing the initial Fe2+ concentration, however, for the application as an in-situ Fe-based 

drinking water treatment technology, the dosing of an external Fe solution may not be feasible or practical. 

Although only small concentrations and a low conversion to ferrate were achieved when using low Fe2+ 
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reactant concentrations, typical of ambient raw water matrices, the mass transfer limitation indicates that a 

far greater amount of hydroxyl radicals are produced than are needed for the generation ferrate (at low Fe2+ 

concentrations). BDD electrodes have already been widely reported as an effective process for organic 

pollutant removal through advanced electrochemical oxidation (McBeath et al., 2019), so the added process 

of ferrate generation could provide a more stable oxidant that could persist as a residual oxidant/disinfectant 

into the water supply distribution system and/or a reduced coagulant species by-product after pollutant 

oxidation (Jiang and Lloyd, 2002).  

 

 
Figure 4.10. Ferrate synthesis with and without the addition of MeOH hydroxyl radical scavenger (pH = 

7, [Fe2+]0 = 54 µM, 10 mA cm-2). 

 

 

4.5  Electrochemical Permanganate Synthesis 

 

The same two variables investigated for the effect of ferrate synthesis were considered for the electro-

generation of permanganate. Using the same three operating current densities (10, 40 and 80 mA cm-2), two 

initial manganese (Mn2+) concentrations (182 and 55 µM) were investigated. Like the ferrate analysis, these 

two variables provide information concerning both the kinetic and mass transport limitations of the 

synthesis process, respectively. The following section will outline the permanganate synthesis results, as 

well as the mathematical model developed to help confirm the lab-yielded data with that predicted by 

theory. Finally, the electrochemical permanganate synthesis mechanism is investigated.  
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4.5.1  Initial Manganese Concentration 

 

The electrochemical generation of permanganate was first investigated at an initial Mn2+ concentration of 

55 µM (3.0 mg L-1) over 120 minutes of electrolysis and a current density of 40 mA cm-2. Permanganate 

generation was observed to proceed to a much lesser extent than that observed for ferrate, whereby only 

0.088 (±0.01) µM was yielded after 120 minutes of electrolysis (see Figure 4.11), amounting to a 0.2% 

yield. Because such a low concentration of permanganate was observed to form at an initial Mn2+ 

concentration of 55 µM, no lower manganese concentrations were pursued. When the initial Mn2+ 

concentration was increased to 182 µM, increased permanganate was achieved with a final concentration 

of 0.836 (±0.08) µM after 120 minutes of electrolysis (see Figure 4.11). Although a much greater 

concentration was generated when the initial Mn2+ concentration increased, the permanganate yield was 

still only 0.5%.  

 

 
Figure 4.11. Permanganate generation at 40 mA cm-2 over 120 min of electrolysis (pH = 7, T = 20.5 ± 

0.4°C). 

 

 

4.5.2  Current Density 

 

Like the ferrate electrosynthesis study, the operating cell potentials were relatively stable throughout the 

entire electrolysis period (regardless of the initial manganese concentration), for each respective current 

density: 6.0-6.6, 14.1-14.7, 18.0-18.6 V, during 10, 40 and 80 mA cm-2 operations, respectively. When the 
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initial Mn2+ concentration was 55 µM, no significant differences in permanganate synthesis were observed 

to occur between the three current density conditions (see Figure 4.12), whereby final concentrations after 

120 minutes of electrolysis were 0.066 (±0.004), 0.088 (±0.01) and 0.089 (±0.02) µM, respectively. 

Electrolysis during 40 and 80 mA cm-2 conditions generated very similar permanganate concentrations and 

although 10 mA cm-2 operations produced slightly less permanganate, it was still within the margin of error 

of the two other conditions. The insensitivity of permanganate synthesis to current density once again 

indicated mass transfer limitations, like that observed during ferrate electro-synthesis. In particular, the rate-

limiting step of manganese oxidation at the lower Mn2+ initial concentration (55 µM) was associated with 

the diffusion of aqueous manganese from the bulk water solution to the electrode surface. 

 

 
Figure 4.12.  Permanganate generation with an initial Mn2+

 = 55 µM over 120 min of electrolysis (pH = 

7, T = 21.8 ± 0.8°C). 

 

When the initial Mn2+ concentration was increased to 182 µM, permanganate synthesis at all three current 

densities was characterised by an initial lag period where minimal generation was observed, corresponding 

to approximately 0.030-0.060 µM in the first 30 minutes of electrolysis (see Figure 4.13). At the lowest 

current density, this limited generation of permanganate persisted for the entirety of the 120-minute 

electrolysis period, with a maximum concentration of 0.062 (±0.01) µM yielded.  However, after the initial 

period of relatively low synthesis during the first 60 and 30 minutes of electrolysis, a sharp increase was 

observed during both 40 and 80 mA cm-2 operations, respectively. Maximum permanganate concentrations 

of 0.921(±0.09) and 0.930 (±0.12) µM were generated after 150 and 90 minutes of 40 and 80 mA cm-2 

electrolysis, respectively. The sharp increase of permanganate production at both 40 and 80 mA cm-2 current 
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density conditions may be due to the initial production of manganate (Mn6+/MnO4
2-) and subsequent 

oxidation to permanganate. Previous research has shown that manganate species are thermodynamically 

unstable in circumneutral conditions, resulting in a disproportionation reaction leading to the synthesis of 

both MnO2 and permanganate (Zhao et al., 2011). In the latter case (80 mA cm-2), permanganate levels were 

observed to decrease after reaching a maximum (at 90 minutes), also likely due to chemical reduction via 

oxidation reactions with other intermediate oxidation state manganese species (Mn2+ to 5+).  

 

The chemical reduction reaction of permanganate with other manganese compounds, is a well-documented 

phenomenon and is commonly a reason for the use of potassium permanganate as a pre-oxidation chemical 

for the abatement of aqueous manganese in drinking water treatment (Carlson and Knocke, 1999; Van 

Benschoten and Lin, 1992; Yu et al., 2015). This phenomenon would result in the formation of non-aqueous 

intermediate state manganese species, like MnO2. If the synthesis of stable permanganate was inhibited by 

its reduction to lower oxidation state non-aqueous manganese species (Mn3,4,5+), such as thermodynamically 

stable species (in circumneutral pH conditions) MnO2, Mn2O3 and/or Mn3O4 (as highlighted in potential –

vs- pH (Pourbaix) diagrams for manganese (Huang, 2016)), the total aqueous manganese concentration 

would decrease over the period of electrolysis. Furthermore, the disproportionation reaction of manganate 

to MnO2 would be further evidenced by the reduction of the total soluble manganese throughout 

electrolysis. Finally, in addition to permanganate and manganate reduction, the electro-oxidation of Mn2+ 

may progress principally to an intermediate oxidation state in the form of insoluble manganese, which 

would inhibit further oxidation reactions to form soluble permanganate. 

 

To investigate the possibility of these phenomena, the total aqueous manganese concentration was 

monitored throughout electrolysis during 10, 40 and 80 mA cm-2 operations and an initial Mn2+ 

concentration of 182 µM. Although the initial water matrix was dosed with 182 µM manganese (Mn2+, by 

MnCl2), the initial aqueous manganese concentration was found to be 175 (±4) µM by ICP-OES analysis. 

The formation of insoluble manganese species likely occurred during the time between making the initial 

anolyte solution and ICP-OES analysis (~16-24 hours). In general, aqueous manganese concentrations were 

observed to decrease with electrolysis time, as well as with the increase of current density (see Figure 4.14). 

At 10, 40 and 80 mA cm-2 operations, final aqueous manganese concentrations after 120 minutes of 

electrolysis of 161, 121 and 87 µM were achieved, respectively.  
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Figure 4.13.  Permanganate generation with an initial Mn2+

 = 182 µM over 120 min of electrolysis (pH = 

7, T = 21.8 ± 0.8°C). 

 

 
Figure 4.14. Aqueous manganese removal with an initial Mn2+

 = 182 µM over 120 min of electrolysis 

(pH = 7, T = 21.8 ± 0.8°C). 

 

These results indicate that the generation of non-aqueous manganese species (MnO2/Mn4+, Mn2O3/Mn3+) 

was highly dependent on current density. As described previously in section 4.4.4, the generation of 

hydroxyl radicals increases as current density increases. Moreover, Faraday’s law of electrolysis indicates 
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that oxidation sites on the electrode surface increases with increasing current density (hence the increased 

generation of hydroxyl radicals), therefore the prevalence of any potential direct oxidation of manganese 

would also increase (to be expanded on in section 4.5.4). 

 

The same experiments were conducted at the lower initial Mn2+ concentration of 55 µM. Once again, a 

change in speciation of aqueous manganese to insoluble oxide species was observed to occur prior to ICP-

OES analysis, with an initial total aqueous manganese concentration of 42 µM. As expected, very similar 

results were observed with the manganese removal increasing with both electrolysis time and current 

density (see Figure 4.15). Since the hydroxyl radical formation rate is constant at each current density, the 

reduction in Mn2+ concentration was expected to be independent of its initial concentration, in accordance 

with a pseudo-first order reaction (k’ = kOH [•OH], Eq.4). Some small differences in the removal of total 

manganese were evident at the end of the electrolysis for the two initial concentrations, however, it was 

largely within the margin of error (see Figure 4.16).  

 

 
Figure 4.15. Aqueous manganese removal with an initial Mn2+

 = 55 µM over 120 min of electrolysis (pH 

= 7, T = 21.8 ± 0.8°C). 

 

While it would be expected that manganese diffusion to the electrode surface at a higher concentration 

would be increased, only very little differences in removal were observed, indicating the limited role of 

diffusion on oxidation process. However, these differences in removal may be due to hydroxyl radical 

consumption by chloride, the counter ion of manganese (dosed as MnCl2), which will be present at a much 

higher concentration in the Mn2+ = 175 µM tests. Some researchers have previously found chloride to be 
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readily reacted at the BDD electrode surface via advanced oxidation (Bergmann et al., 2009; Polcaro et al., 

2009). Furthermore, at a constant current density and therefore constant hydroxyl radical generation, there 

will be a higher •OH to Mn2+ ratio at lower initial manganese concentrations.  

 

While the oxidation of Mn2+ was observed to progress principally to an intermediate oxidation state in the 

form of insoluble manganese species, additional permanganate may have been generated and rapidly 

reduced at the electrode surface when interacting with, and oxidising Mn2+, as it is known to do efficiently 

(Carlson and Knocke, 1999; Van Benschoten and Lin, 1992; Yu et al., 2015). Although only a small 

concentration of permanganate was quantified (~1 µM) in the bulk water solution, some evidence exists 

which would suggest that the permanganate concentration observed may be adequate in a water treatment 

process to serve as a useful pre-oxidant or residual disinfectant. Previous researchers have shown that 

significant degradation (>50%) of bisphenol A could be achieved by permanganate concentrations as low 

as 5 µM (J. Zhang et al., 2013). Other phenol-type contaminants have been found to be significantly reduced 

when treated with a potassium permanganate concentration of 10 µM (Jiang et al., 2014). Turbidity has 

also been shown to be effectively reduced by 34% using 1.7 µM permanganate as a pre-oxidant (Liu et al., 

2013). 

 

 
Figure 4.16. Aqueous manganese removal with an initial Mn2+

 = 55 and 182 µM over 120 min of 

electrolysis (pH = 7, T = 21.8 ± 0.8°C). 

 

Moreover, while BDD electro-oxidation has shown to be an effective treatment technology for abatement 

of organic pollutants, its application for the treatment of inorganic contaminants has not been pursued. At 
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circumneutral pH, Mn2+ can have a high solubility and is therefore frequently required to be converted to 

the higher valence state of Mn4+ by pre-oxidation during conventional water treatment processes, which has 

a significantly decreased solubility. While oxidation methods such as chlorine (Hao et al., 1991; Van 

Benschoten and Lin, 1992; Yu et al., 2015), ozone (El Araby et al., 2009; Jasim and Mohseni, 2019), 

potassium permanganate (Carlson and Knocke, 1999; Van Benschoten and Lin, 1992; Yu et al., 2015) and 

potassium ferrate (Goodwill et al., 2016) have been previously used in conventional applications, these 

treatment options can be impractical and uneconomic for small, remote and decentralised treatment 

systems, as they all require the constant supply of process chemicals. The use of electro-oxidation for 

manganese removal, which has shown to be effective in this study, may present a more favourable option 

that eliminates the chemical supply requirement associated with the conventional treatment processes. 

 

 

4.5.3  Insoluble Manganese Synthesis Model  

 

Due to the relatively small permanganate generation, compared to that of ferrate, a model describing the 

reduction of total aqueous manganese was developed. The model is similar to that presented in section 

4.4.3, with only a few small modifications (see Appendix D for the complete model development). This 

model describes the oxidation of Mn2+ to higher valence state Mn species, under idealised conditions and 

assumptions. The model considers the time variation of manganese in two forms: dissolved manganese 

(Mn2+ and Mn7+) and oxidised insoluble forms of manganese (Mn3,4,5+), as indicated by the subscripts 

“SOL” and “INS”, respectively. Once again, two important assumptions made during the model 

development were: (i) plug flow mass transport through the electro-active volume of the reactor (i.e., no 

water flow velocity variations and perfect mixing), and (ii) the system and kinetics are completely mass 

transfer limited. The final expressions (Eq.10-11) describe the generated concentration of insoluble 

manganese species (CINS) exiting the electrochemical reactor (and/or entering the anolyte reservoir), as a 

function of time during electrolysis (t), the mass transport coefficient (km) and degradation coefficient (kd). 

Other variables included in the final model expression are the inter-electrode gap (d), the reactor residence 

time (tR) and anolyte reservoir residence time (tV). 

 

 𝐶%./(𝐼𝑁, 𝑡) = 𝑨(1 − exp(−𝑩𝑡))𝐶/01,3 [Eq.10] 

 

where, 

 



 - 77 - 

 𝑨 = 0
'!
(

"!
# )'$

12
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1 + 𝑘+𝑡- − 𝑒𝑥𝑝 6− 7
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𝛿 + 𝑘+; 𝑡,<

= [Eq.11] 

 

 𝑩 =
1 + 𝑘+𝑡- − 𝑒𝑥𝑝 6−7

𝑘*
𝛿 + 𝑘+; 𝑡,<

𝑡$
 [Eq.12] 

 

Using the Curve Fitting Tool (MATLAB 2019b), the mass transfer coefficient (km, m s-1) and degradation 

coefficient (kd, s-1) for 40 and 80 mA cm-2 electrolysis were determined to be 2.4 x 10-9 and 0.5 x 10-9 m s-

1, and 1.9 x 10-11 and 1.7 x 10-8 s-1, respectively. The model and experimental data for manganese removal 

were found to be in good agreement, with coefficients of determination of R2 = 0.98 and 0.97, for 40 and 

80 mA cm-2 operations, respectively (see Figure 4.17), indicating that experimentally observed insoluble 

manganese generation results behave in a manner predictable by theory.  

 

 
Figure 4.17. Insoluble manganese species generation model fitted with experimental yielded data during 

80 mA cm-2 (left) and 40 mA cm-2 (right) (pH = 7, [Mn2+]0 = 182 µM). 

 

In addition to confirming the validity of the experimental results compared to those predicted by theory, 

the model may also be useful in predicting and describing manganese removal in similar systems. The mass 

transport and reactor design variables governing the model, such as inter-electrode gap and electrode 

dimensions (and the resulting reactor residence time, tR), can be inputted to predict the resulting manganese 

removal. For example, if the current BDD electrode dimensions were changed from 50 x 50 mm with a 10 

mm inter-electrode gap, to 100 x 300 mm and a 5 mm inter-electrode gap, the model predicted manganese 

removal would increase by two, in half of the time. Additional model results can be found in Appendix E.  
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4.5.4  Manganese Oxidation Mechanism 

 

Due to the low overall electro-synthesis of permanganate accounting for a small fraction of the reactions 

occurring at the electrode surface, the more general oxidation mechanism of manganese (Mn2+) to any 

higher cationic state (Mn3+à7+) was investigated instead. As previously discussed, the generation of non-

aqueous manganese species (MnO2/Mn4+, Mn2O3/Mn3+) was highly dependent on current density. The 

varying removal of manganese with respect to current density is likely due to one or both of the following 

mechanisms of oxidation of lower cationic state manganese (Mn2+) to higher, insoluble manganese oxide 

species: 

 

(1) Direct oxidation:  

 

 BDD(Mn2+) + 2H2O → MnO2 + 4H+ + 2e- [R.26] 

 BDD(4Mn2+) + 6H2O → 2Mn2O3 + 12H+ +4 e- [R.27] 

 

(2) Hydroxyl radical mediated oxidation: 

 

 BDD(2•OH) + Mn2+ → MnO2 + 2H+ [R.28] 

 BDD(2•OH) + 2Mn2+ + H2O → Mn2O3 + 4H+ [R.29] 

 

Using cyclic voltammetry, the presence of direct electron transfer mechanisms (R.26, R.27) was observed 

by the presence of a small shoulder in the voltammogram between 2.0-2.2 VAg/AgCl (see Figure 4.18), 

confirming an oxidation mechanism at least partially attributed to the direct oxidation of Mn2+ at the 

electrode surface (direct electron transfer). Once again, as observed with the FeCl2 CV, the steep increase 

in the voltammogram which approaches 2.8 VAg/AgCl is characteristic of the OER.  
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Figure 4.18. Cyclic voltammogram of MnCl2 (5 mM) in phosphate buffer water matrix (pH = 7), at a 10 

mV s-1 scan rate. 

 

The previous MeOH degradation results confirmed a significantly greater generation of hydroxyl radicals 

as current density increased, as would be predicted by Faraday’s law. The oxidation of Mn2+ to form 

insoluble manganese oxide species also increased with increasing current density, further suggesting some 

mixed mechanism of oxidation involving both direct- and hydroxyl radical mediated oxidation. To 

investigate this further, methanol was once again added to the water matrix containing 55 µM Mn2+ at 40 

mA cm-2. The MeOH was added in excess and held constant at 1.87 mM, to act as a hydroxyl radical 

scavenger throughout electrolysis. Under these conditions, no permanganate was observed to form. 

Although no permanganate was quantified, this does not suggest a completely hydroxyl radical mediated 

synthesis pathway. As has been observed for ferrate generation via BDD electro-oxidation previously, 

direct oxidation of Fe2+ to Fe4+ is primarily facilitated by a direct 2e- transfer at the electrode, whereby the 

Fe4+ to Fe6+ is a combination of both direct and hydroxyl radical mediated oxidation (Diaz et al., 2019). A 

similar phenomenon is likely to be true for permanganate generation, however, with such small quantities 

of generation even without the presence of a hydroxyl scavenger (MeOH) for Mn2+ = 55 µM, the 

introduction of MeOH inhibited any appreciable formation of permanganate.  
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4.6  Chapter Conclusion 

 

The findings in this chapter demonstrate the first example of in-situ ferrate and permanganate production 

in neutral pH conditions, using ambient iron (Fe2+) and manganese (Mn2+) concentrations typical of raw 

(low oxygen) surface and ground water sources. The ferrate and permanganate generation efficiency and 

effect of operating variables were investigated, as well as the mechanism of iron and manganese oxidation. 

 

Ferrate generation was mass transport limited, with no significant differences in synthesis at the three 

current density conditions of 10, 40 and 80 mA cm-2 when the initial Fe2+ concentration was 54 µM and 

below. These results indicate that the rate-limiting step is the diffusion of the iron cation reactant to the 

electrode surface through the Nernst diffusion layer, at low initial Fe2+ concentrations. When the initial Fe2+ 

concentration was increased to 179 µM, current density was observed to affect ferrate synthesis, thereby 

indicating that the process was no longer diffusion limited. The developed mathematical model describing 

ferrate generation under mass transport limitations correlated well with experimentally yielded data, helping 

to confirm the experimentally derived results agreed with those that would be predicted by theory. Finally, 

the mechanism of ferrate synthesis was explored through cyclic voltammetry and the use of a hydroxyl 

radical scavenger. The CV analysis demonstrated that a direct electron transfer at the electrode surface was 

taking place, but to an unknown extent. When methanol was added in excess to ferrate generation 

experiments, the synthesis was observed to decrease to slightly below 50% of that yielded during non-

scavenged experiments, highlighting the significant extent to which hydroxyl radicals contribute to the 

formation of ferrate. The CV and scavenger study confirmed a mixed reaction mechanism of both direct- 

and hydroxyl mediated oxidation responsible for the synthesis of ferrate.  

 

The circumneutral electrochemical generation of permanganate was observed to proceed less readily than 

that observed for ferrate generation. Instead, the oxidation of Mn2+ progressed principally to an intermediate 

oxidation state in the form of insoluble manganese (Mn3,4,5+), such as thermodynamically stable species 

MnO2, Mn2O3 and/or Mn3O4. Aqueous manganese (Mn2+) levels reduced with electrolysis time and at a 

higher rate as the operating current density increased, irrespective of the initial concentration (Mn2+ = 55 

and 182 µM). A similar mathematical model to that describing ferrate synthesis was developed to describe 

manganese oxidation to insoluble oxide species. Experimental and model results correlated well with a high 

coefficient of determination. Moreover, the manganese oxidation mechanism was investigated using CV 

and hydroxyl radical scavenger tests, which demonstrated a mixed mechanism via both direct and advanced 

oxidation pathways. Although relatively low permanganate concentrations were generated under the test 

conditions, the findings provide a completely novel synthesis pathway.  
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The results from this chapter indicate that increased generation of both ferrate and permanganate could be 

achieved by various means, including increased initial Fe2+ and Mn2+ concentrations, respectively. By 

increasing the initial reactant concentration, the reactant diffusive flux towards the electrode surface 

increases as a consequence. Model results also suggested that a decrease of the inter-electrode gap could 

increase the theoretical maximum yield of ferrate and oxidation of manganese, while harmoniously 

decreasing operating costs and energy requirements associated with the ohmic resistance of the electrolyte. 

While further reactor design considerations for increased oxidant production are implementable, increasing 

the dissolved iron and manganese concentrations for the purpose of ferrate and permanganate production 

may not be practical for drinking water treatment applications owing to regulated limits for the maximum 

iron and manganese concentrations in drinking water. Results from this study, however, suggest that the 

system may be suitable for small and point-of-entry systems, whereby pollutant oxidation could occur via 

both hydroxyl radical attack and ferrate/permanganate residual oxidation. While BDD advanced oxidation 

is limited principally to the electrode surface, the co-mechanism of ferrate and permanganate generation 

using ambient raw water iron and manganese, when present in the water matrix, may enhance the oxidation 

capability by providing a residual oxidant concentration in the treatment and distribution; as well as help to 

reduce total iron and manganese levels in the raw water, after their (ferrate and permanganate) chemical 

reduction to more stable and insoluble species (iron and manganese oxides/hydroxides). The following 

chapter will investigate the effectiveness of this system to provide enhanced oxidation treatment for two 

target pollutant compounds, evaluating the added benefit of ferrate/permanganate synthesis during BDD 

electro-oxidation.  
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5. TARGET POLLUTANT DEGRADATION 

 

 

5.1  Chapter Introduction 

 

In the previous chapter, the circumneutral electrochemical generation of ferrate and permanganate ions was 

demonstrated. However, because this was one of the first demonstrations of each respective oxidants’ 

synthesis pathways currently available in the literature, their subsequent effect on pollutant degradation is 

largely unknown. In particular, this in-situ system for oxidant generation may provide enhanced benefits to 

traditional BDD EO processes. In addition to the main mechanism of micro-pollutant degradation 

associated with •OH generation and adsorption at the electrode surface, the simultaneous generation of 

ferrate and permanganate may facilitate further residual oxidation downstream throughout the reactor 

apparatus (i.e., not limited to the electrode surface). The research described in this chapter addresses these 

gaps in knowledge by investigating the electrochemical generation of ferrate and permanganate and their 

subsequent use in the treatment of two model, representative recalcitrant organic micro-pollutant species: 

atrazine and PFOS. Under similar procedures and conditions used in the previous oxidant generation 

investigation, the separate effects on model pollutant degradation by (i) electro-oxidation (i.e., no Fe2+ or 

Mn2+ addition), (ii) electrochemically derived ferrate and permanganate oxidation (i.e., no electro-

oxidation), and (iii) simultaneous electro-oxidation and ferrate/permanganate generation and oxidation. By 

investigating processes (i) and (ii) independently, a better insight of the coupled process (iii) could be 

gained. Moreover, the oxidation by-products and degradation pathways for each oxidation process were 

investigated.  

 

In addition to the results and data presented in this chapter, the complete set of experimental results for all 

pollutant degradation experiments and oxidation by-product identification analysis are presented in 

Appendix E (Experimental Data and Results). Moreover, detailed procedures and conditions for each of the 

analytical techniques used are described in Chapter 3 and Appendix C (Analytical Methods Determination 

and Analysis).  
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5.2 Methods and Materials  

 

5.2.1  Experimental Apparatus and Procedures 

 

All experiments were conducted using the batch-recycle reactor configuration with separated anolyte and 

catholyte compartments, as described in Chapter 3, under the same conditions used for oxidant generation 

experiments. The anolyte water temperature was held constant throughout all experiments at 21.8 ± 0.8°C, 

and there was a constant recycle flow rate of 355 mL min-1 for both the anolyte and catholyte. All 

experiments were conducted in galvanostatic (constant current) operations using a potentiostat, under three 

current density conditions: 10, 40 and 80 mA cm-2. All water matrices (anolyte and catholyte) were 

composed of the phosphate buffer (see Chapter 3 and Appendix B for more information), with the addition 

of FeCl2 and MnCl2 to the anolyte to reach the desired Fe2+ and Mn2+ initial concentrations for ferrate and 

permanganate experiments, respectively. Pollutant degradation experiments via simultaneous EO and 

ferrate/permanganate oxidation were conducted with initial Fe2+ concentrations of 179, 54, 18 and 9 µM 

(10, 3.0, 1.0 and 0.5 mg L-1 respectively) and Mn2+ concentrations of 182 and 55 µM (10.0 and 3.0 mg L-1, 

respectively). An initial atrazine concentration of 9.3 μM (2.0 mg L-1) was used, while two PFOS 

concentrations of 9.20 and 0.80 μM (4.6 and 0.4 mg L-1, respectively) were used. Samples were taken at 

nine intervals (0, 5, 10, 15, 50, 45, 60, 90 and 120 minutes) throughout the 120-minute electrolysis period 

for atrazine/PFOS analysis. Ferrate and permanganate only degradation experiments were conducted using 

the electrochemically generated oxidants species (synthesised under the same procedures described in 

Chapter 4, section 4.2), under constant mixing and a volume of 1000 mL. All experiments were carried out 

in duplicates or triplicates (depending on the standard deviation of results) to ensure repeatability.  

 

 

5.2.2  Analytical Methods 

 

Ferrate and permanganate analysis were completed using the indirect spectrophotometric ABTS method, 

as described previously. Atrazine quantification was determined using HPLC, while oxidation by-product 

identification was performed using UHPLC-MS/MS. PFOS quantification, in addition to the oxidation by-

product identification, were both performed using UHPLC-MS/MS. Specific operating procedures and 

conditions for HPLC and UHPLC-MS/MS analysis are detailed in Chapter 3 (and Appendix C). Finally, 

organic pollutant mineralisation was determined using a TOC analyser. A complete description of the 

analytical techniques has been described previously, in Chapter 3.  
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5.3  Atrazine Degradation  

 

The first model pollutant used for degradation studies was atrazine, a triazine herbicide characterised by its 

ubiquitous and recalcitrant nature. Atrazine functions as a good model contaminant, as it has been widely 

investigated using other more conventional oxidation techniques. The following section will present and 

discuss the EO, ferrate, permanganate and simultaneous EO-ferrate/permanganate oxidation results.  

 

 

5.3.1  Electro-Oxidation  

 

The EO experiments were conducted by excluding the addition of iron and manganese (Fe2+ or Mn2+) to 

the water matrix, thereby limiting atrazine degradation to hydroxyl-radical mediated oxidation, as well as 

direct oxidation at the electrode surface. The rate of hydroxyl radical formation is dictated by the current 

density during operations, as observed in Chapter 4 using methanol as a radical scavenger. Like methanol, 

atrazine degradation was also observed to follow a trend of increased degradation with increasing current 

density. In both cases, this is attributed to hydroxyl radical mediated degradation (McBeath et al., 2019). 

From an initial atrazine concentration of 9.3 µM, and after 120 minutes of electrolysis, atrazine levels were 

observed to decrease to 6.22 (±0.12), 4.88 (±0.02) and 2.36 (±0.10) µM for 10, 40 and 80 mA cm-2 

electrolysis conditions, respectively, as shown in Figure 5.1.  

 

 
Figure 5.1. Electrochemical oxidation of atrazine at 10, 40 and 80 mA cm-2 electrolysis (pH = 7, T = 21.0 

± 0.8°C). 
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Atrazine mineralisation was also monitored throughout electrolysis for each current density investigated. 

Similar to atrazine degradation, it was observed that the degree of mineralisation was similar for the 10 and 

40 mA cm-2 processes, whereby the DOC reduced by 20.3 (±4.6) and 22.5 (±2.1) %, respectively. When 

the current density increased to 80 mA cm-2, the reduction in DOC increased substantially to 49.9 (±5.5) 

%, indicating the complete conversion of approximately half the initial atrazine and its oxidation by-

products to CO2 and associated inorganic ions (see Figure 5.2). 

 

 
Figure 5.2. Atrazine mineralisation during EO during 10, 40 and 80 mA cm-2 operations (pH = 7, T = 

21.0 ± 0.8°C). 

 

Atrazine degradation was also observed to follow pseudo-first-order reaction kinetics during the 

electrochemical oxidation process. Similar to the conditions observed during the methanol degradation 

experiments (Chapter 4), the hydroxyl radical concentration can also be considered constant throughout 

electrolysis as the radicals are continuously generated and replenished. Pseudo-first-order reaction rate 

constants of 0.003, 0.005 and 0.011 min-1 were yielded for 10, 40 and 80 mA cm-2 respectively, as shown 

in Figure 5.3. These degradation rate constants are similar to those obtained from previous studies, which 

applied BDD electro-oxidation with the addition of H2O2 at 9.1 mA cm-2 and yielded a pseudo-first-order 

degradation rate constant of 0.007 min-1 (Komtchou et al., 2017). Although Komtchou et al. yielded higher 

degradation rates, this was with the added oxidative affect due to hydrogen peroxide, but demonstrate 

similar k’ under similar conditions to that of this study.  
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Figure 5.3. Pseudo-first-order degradation of atrazine during electrochemical oxidation for 10, 50 and 80 

mA cm-2 (pH = 7, T = 21.0 ± 0.8°C). 

 

While atrazine degradation was observed to increase with increasing current density, the operating cell 

potential also increased in agreement with the previous oxidant generation experiments, as predicted by 

Ohm’s law. Similar operating voltages would be expected in both the oxidant generation experiments and 

pollutant degradation experiments, as the addition of a small concentration of organic micro-pollutants to 

the anolyte solution does not change its conductivity by any appreciable amount. If current density 

continued to increase beyond 80 mA cm-2, atrazine degradation would be expected to approach a limiting 

value, as the anodic potential would increase beyond the water stability range typical of BDD electrodes, 

whereby the OER would begin to dominate. 

 

 

5.3.2  Ferrate Oxidation 

 

The degradation of atrazine due to ferrate, independently, was investigated by firstly generating ferrate 

electrochemically by the same process described in section 4.4, and subsequently injecting a quantity of 

atrazine stock solution corresponding to an initial ferrate and atrazine concentration of 4.7 µM and 9.3 µM, 

respectively. The subsequent decline in atrazine and ferrate concentrations was monitored over 120 

minutes, under constant mixing via a magnetic bar and stirrer. The extent of atrazine degradation was very 

limited when compared to the electrochemical oxidation process, whereby all observed atrazine removal 

occurred within the first 15 minutes, reaching a final concentration of 7.8 (±0.1) µM (see Figure 5.4). 
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Figure 5.4. Electrochemical synthesised ferrate (Fe(VI)0 = 4.7 µM) oxidation of atrazine (pH = 7). 

 

Unlike the EO process, a finite concentration of ferrate exists in solution and therefore the degradation 

kinetics can no longer be described by pseudo-first-order reaction kinetics. Because both the concentration 

of ferrate and atrazine will decrease with time, the degradation of atrazine can be assumed to follow second-

order reaction kinetics, like that described previously by [Eq.2] in Chapter 2. In particular, the second-order 

reaction between atrazine and ferrate can be described as follows: 

 

 −𝑑
[𝐴𝑡𝑧]
𝑑𝑡

= 𝑘"[𝐴𝑡𝑧][𝐹𝑒(𝑉𝐼)] [Eq.13] 

 

The resulting apparent second-order reaction rate constant, k2, can be determined using atrazine and ferrate 

concentration data, as shown in Figure 5.5. From the slope of the linear plot, the second-order reaction rate 

constant for atrazine degradation was determined to be k2 = 23.5 M-1 s-1. This reaction constant is in 

agreement with previously determined rate constants for atrazine degradation (e.g., ~15-20 M-1 s-1 at pH 7) 

using potassium ferrate as an oxidant (Zajíček et al., 2015).  
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Figure 5.5. Second-order reaction linear plot for atrazine degradation by ferrate over 15 minutes (Fe(VI)0 

= 4.7 µM, Atz0 = 9.3 µM). 

 

To further confirm the results yielded with electrochemically generated ferrate, further atrazine degradation 

control tests were conducted using the same initial atrazine and ferrate concentration, with the latter being 

dosed using potassium ferrate. In addition to confirming the results observed using the electrochemically 

generated ferrate, the control studies using potassium ferrate would determine whether the generation of 

other oxidants from other co-occurring ions played a measurable role in atrazine degradation. The 

generation of other possible oxidants species include peroxodiphosphate (Chapter 2, [R.16→R.17]) and 

monoperoxophosphoric acid (Chapter 2, [R.18]), synthesised from the phosphate ions used for the buffer 

solution. Moreover, oxidants such as hypochlorite (Chapter 2, [R.19]) and perchlorate (Chapter 2, [R.22]) 

could be generated from the chloride counterion of Fe2+, used for the addition of iron to the anolyte solution 

(i.e., FeCl2).  

 

Potassium ferrate was dosed to reach an initial Fe(VI) concentration of 5.0 µM (0.60 mg L-1). Similar to all 

other experiments, an initial atrazine concentration of 9.2 µM was used. Both ferrate and atrazine 

concentrations were monitored throughout 30 minutes of mixing. A second-order reaction rate constant, k2, 

of 24.8 (±1.18) M-1 s-1 was yielded, in agreement with the reaction rate constant observed during 

electrochemically synthesised ferrate experiments. These results indicate good agreement between the 

electrochemically and chemically derived ferrate species, as well as confirm that other potential oxidant 

species that may be electro-synthesised during electrolysis do not play a significant role in atrazine 

degradation.  
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5.3.3  Simultaneous Electro- and Ferrate Oxidation 

 

To investigate the simultaneous electro-oxidation and electro-ferrate oxidation of atrazine, the same 

experiments were conducted as those for the EO only process (section 5.3.1), with the addition of iron to 

the anolyte water matrix, with initial iron conditions of Fe2+
0 = 54, 18 and 9 µM (3.0, 1.0 and 0.5 mg L-1 

respectively). For each initial iron concentration investigated, atrazine degradation was observed to increase 

with increasing current density, as previously observed during EO degradation experiments, as seen in 

Figure 5.6. These results are to be expected as although similar concentrations of ferrate are generated 

during 10, 40 and 80 mA cm-2 electrolysis (as described in Chapter 4), an increase in hydroxyl radical 

formation will occur as the current density increases, as previously demonstrated using the hydroxyl radical 

scavenger methanol. 

 

 
Figure 5.6. Simultaneous EO and ferrate oxidation of atrazine with initial Fe2+ = 54 µM (pH = 7, T = 

21.0 ± 0.8°C). 

 

Moreover, at a constant current density, atrazine degradation increased with an increasing initial Fe2+ 

concentration, indicating a favourable effect due to ferrate formation during electrolysis (see Figure 5.7). 

As the initial Fe2+ concentration decreased from 54 µM to 18 and 9 µM, atrazine degradation rates 

approached that which was observed during the EO only process with no iron addition (Fe2+ = 0 µM). Final 

atrazine concentrations after 120 minutes of 80 mA cm-2 electrolysis for Fe2+
0 = 54, 18, 9 and 0 µM 

conditions were 1.68 (±0.24), 2.26 (±0.05), 2.51 (±0.14) and 2.36 (±0.10) µM, respectively. These results 
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indicate that even low levels of soluble iron in the water matrix will increase micro-pollutant degradation, 

and that the effect of ferrate oxidation will increase with increased initial iron levels. 

 

 
Figure 5.7. Simultaneous EO and ferrate oxidation of atrazine with during 80 mA cm-2 electrolysis (pH = 

7, T = 21.0 ± 0.8°C). 

 

 
Figure 5.8. Pseudo-first-order degradation of atrazine during simultaneous EO and ferrate oxidation 

during 80 mA cm-2 electrolysis (pH = 7, T = 21.0 ± 0.8°C). 
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Similar to the EO process, the combined oxidant (hydroxyl radicals and ferrate) concentration can be 

assumed to be constant throughout electrolysis, as they are continuously generated. This is evident, as the 

system is described well by pseudo-first-order reaction kinetics (see Figure 5.8), yielding degradation rate 

constants of k’ = 0.014, 0.012 and 0.011 min-1 for initial Fe2+
0 = 54, 18 and 9 µM electrolysis, respectively.  

 

Despite improved atrazine degradation during the simultaneous electro-oxidation and electro-ferrate 

oxidation process, mineralisation rates were not observed to increase when compared to the EO only 

process (no iron addition). Across all initial iron concentration conditions, no significant differences in 

mineralisation was yielded (see Figure 5.9). After 120 minutes of electrolysis at 80 mA cm-2, the DOC 

concentration reduced by 52.4 (±6.7), 50.0 (±7.7) and 43.3 (±13.2) % for initial iron concentrations of Fe2+ 

= 54, 18 and 9 µM, respectively. These results indicate that ferrate has an affinity to oxidise the larger 

parent compound of atrazine, over the smaller oxidation by-product species.  

 

 
Figure 5.9. Atrazine mineralisation during simultaneous EO and ferrate oxidation at 80 mA cm-2 (pH = 7, 

T = 21.0 ± 0.8°C, DOC0 = 1.245 ± 0.165 mg L-1). 
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in section 4.5, and subsequently, atrazine stock solutions was added after 120 minutes of electrolysis, to 

reach an initial atrazine concentration of 9.4 µM. Atrazine and permanganate concentrations were 

monitored over 120 minutes, under constant mixing via magnetic bar and stirrer. The extent of atrazine 

degradation was once again very limited when compared to the EO process, whereby all observed atrazine 

removal occurred within the first 30-45 minutes, reaching a final concentration of 8.98 (±0.09) and 8.44 

(±0.13) µM, when permanganate was generated to an initial concentration of 0.25 and 0.86 µM, respectively 

(see Figure 5.10).  

 

 
Figure 5.10. Electrochemical synthesised permanganate oxidation of atrazine (pH = 7). 

 

Like atrazine oxidation by ferrate, the degradation of atrazine by permanganate can be assumed to follow 

second-order reaction kinetics, whereby both the concentration of atrazine and permanganate change with 

time: 

 

 −𝑑
[𝐴𝑡𝑧]
𝑑𝑡

= 𝑘"[𝐴𝑡𝑧][𝑀𝑛(𝑉𝐼𝐼)] [Eq.14] 

 

The apparent second-order rate constant, k2, can be calculated using atrazine and permanganate 

concentration data and was determined to be 9.79 (±1.04) and 11.16 (±2.89) M-1 s-1, under initial 

permanganate conditions of 0.25 and 0.86 µM, respectively. 
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To better understand atrazine degradation by permanganate oxidation, further experiments were conducted 

using potassium permanganate, with similar initial permanganate concentrations as those achieved during 

electro-generation. Potassium permanganate was dosed to reach an initial Mn(VII) concentration of 1.4 

µM. Similar to experiments using electrochemically generated permanganate, an initial atrazine 

concentration of 9.2 µM was used. Both permanganate and atrazine concentrations were monitored 

throughout 30 minutes of mixing. A second-order reaction rate constant, k2, of 8.35 (±0.53) M-1 s-1 was 

yielded.  As expected, the reaction rate constant using potassium permanganate was similar to the values 

observed during electrochemically synthesised permanganate experiments. A complete set of experimental 

data and results can be found in Appendix E (Experimental Data and Results). 

 

 

5.3.5  Simultaneous Electro- and Permanganate Oxidation 

 

The effect of permanganate synthesis and its subsequent oxidation of atrazine, during a simultaneous EO 

and permanganate oxidation process, was investigated by addition of manganese (Mn2+) to the anolyte 

water matrix. It was observed that slightly increased levels of atrazine were degraded when manganese was 

present in the water. With an initial Mn2+ concentration of 182 µM, atrazine degradation exceeded that 

which was observed during EO only operations and was once again found to be greatly affected by the 

operating current density. After 120 minutes of electrolysis, final atrazine concentrations of 5.78 (±0.50), 

3.17 (±0.24) and 2.17 (±0.05) µM were yielded during 10, 40 and 80 mA cm-2 operations, respectively (see 

Figure 5.11). 

 

The enhanced atrazine removal in the presence of permanganate species was observed to be more 

pronounced during lower current density operations (10 and 40 mA cm-2), as seen in Figure 5.12 and 

summarised in Table 5.1 (and Appendix E). This phenomenon is attributed to the mass transport limitations 

of the electrochemical permanganate synthesis process, as described in Chapter 4. As observed during the 

EO process, atrazine degradation and mineralisation during 10 and 40 mA cm-2 electrolysis was 

significantly less than that achieved during 80 mA cm-2 operations. Contrarily, permanganate synthesis 

(Chapter 4, section 4.5) was similar for all three current conditions, especially within the first 30 minutes 

of electrolysis. While atrazine degradation due to hydroxyl radical mediated oxidation will decrease with 

decreasing current density, the atrazine degradation via permanganate oxidation will remain constant for 

all three operating conditions, for at least the first 30 minutes of operations. Moreover, although current 

density did affect the time at which a sharp increase in permanganate generation occurred, the maximum 

concentration yielded at 40 and 80 mA cm-2 operations was not significantly different (see Figure 4.13). 
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Therefore, in the bulk water solution, a greater atrazine concentration will be present throughout electrolysis 

at the lower current density conditions, thereby increasing the rate of atrazine degradation due to 

permanganate, as dictated by second-order reaction rate kinetics ([Eq.14]). 

 

 
Figure 5.11. Simultaneous EO and permanganate oxidation of atrazine with initial Mn2+ = 182 µM (pH = 

7, T = 21.0 ± 0.8°C). 

 

 
Figure 5.12. Comparison of atrazine degradation by EO only, and simultaneous EO and permanganate 

oxidation with initial Mn2+ = 182 µM (pH = 7, T = 21.0 ± 0.8°C). 

  

0

2

4

6

8

10

0 20 40 60 80 100 120

At
ra

zi
ne

, ,
 µ

M

Electrolysis Time, min

80 mA cm^-2

40 mA cm^-2

10 mA cm^-2

0

1

2

3

4

5

6

7

8

9

10

0 20 40 60 80 100 120

At
ra

zi
ne

, ,
 µ

M

Electrolysis Time, min

Mn(II) = 182 uM (80 mA cm^-2)
EO (80 mA cm^-2)
Mn(II) = 182 uM (40 mA cm^-2)
EO (40 mA cm^-2)
Mn(II) = 182 uM (10 mA cm^-2)
EO (10 mA cm^-2)



 - 95 - 

Table 5.1. Final atrazine concentrations after 120 minutes of electrolysis with and without Mn+2 (Atz0 = 

9.0±0.2 µM). 

Current Density 10 mA cm-2 40 mA cm-2 80 mA cm-2 

Mn2+0 = 0 µM 6.22±0.12 µM 4.88±0.02 µM 2.36±0.10 µM 

Mn2+0 = 55 µM 5.80±0.06 µM 3.66±0.19 µM 2.45±0.13 µM 

Mn2+0 = 182 µM 5.78±0.50 µM 3.17±0.24 µM 2.17±0.05 µM 

 

Similar to the EO only and EO-ferrate process, atrazine degradation due to the simultaneous effect of 

hydroxyl radical and permanganate oxidation was observed to follow pseudo-first-order reaction kinetics. 

Once again, the pseudo-first-order kinetics are due to a constant hydroxyl radical concentration present 

during constant current operations, as well as a relatively constant rate of permanganate oxidation 

throughout electrolysis. Reaction rate constants of k’ = 0.004, 0.008 and 0.011 min-1 were yielded for 10, 

40 and 80 mA cm-2 current densities and Mn2+ = 182 µM, respectively (see Figure 5.13).  

 

 
Figure 5.13. Pseudo-first-order degradation of atrazine during simultaneous EO and permanganate 

oxidation during with Mn2+
0 = 182 µM (pH = 7, T = 21.0 ± 0.8°C). 
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again was assumed to be associated with the second-order reaction kinetics which govern the degradation 

of atrazine by permanganate in the bulk water solution. Since the primary oxidation pathway is associated 

with the EO process at the electrode surface, the overall oxidative degradation of atrazine could once again 

be accurately described by pseudo-first-order reaction kinetics, yielding k’ = 0.004, 0.007 and 0.011 min-1 

for 10, 40 and 80 mA cm-2 current density operations, respectively (see Appendix E for the complete set of 

data). The results indicate that even small concentrations of low oxidation state manganese in the water 

matrix can provide enhanced pollutant degradation, particularly when operating in lower current density 

conditions, when hydroxyl radical mediated oxidation is decreased.  

 

 
Figure 5.14. Simultaneous EO and permanganate oxidation of atrazine with initial Mn2+ = 55 µM (pH = 

7, T = 21.0 ± 0.8°C). 

 

While atrazine degradation was observed to vary with the initial manganese concentration (Mn2+ = 0, 55 

and 182 µM), no significant differences in mineralisation were observed under constant current density 

conditions. Similar reductions in DOC were observed at each operating current density, for both EO and 

the simultaneous EO and permanganate oxidation processes. After 120 minutes of 80 mA cm-2 electrolysis, 

DOC reductions for Mn2+ = 182, 55 and 0 µM conditions were 51.4 (±8.7), 52.8 (±11.0) and 49.9 (±5.5) 

%, respectively. At the lower current density of 40 mA cm-2, where permanganate was observed to have 

the greatest effect on atrazine degradation, some minor differences in mineralisation were observed with 

DOC reductions for Mn2+ = 182, 55 and 0 µM of 39.4 (±10.6), 36.9 (±11.5) and 22.5 (±2.1) % yielded, 
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respectively. A complete set of permanganate mineralisation data throughout electrolysis can be found in 

Appendix E (Experimental Data and Results). 

 

 

5.3.6  Oxidation By-Product Formation 

 

The formation of prominent atrazine oxidation by-products was monitored throughout the reaction period 

for each the oxidation processes: EO, ferrate oxidation, simultaneous EO and ferrate oxidation, 

permanganate oxidation and simultaneous EO and permanganate oxidation. Only small differences in by-

product formation were observed between the five processes, with the predominant products being similar 

to those found to arise for other oxidation systems (Acero et al., 2000; Komtchou et al., 2017; Kong et al., 

2016): deethylatrazine (DEA), deethyl-deisopropylatrazine (DEDIA), deisopropylatrazine (DIA) and 

hydroxyatrazine. For each oxidation process, these same products were formed in the same order 

throughout the reaction period, however, depending on the operating current density, the time at which each 

by-product was identified to form, varied. The following three subsections highlight the prevalence of each 

oxidation by-product and the potential atrazine degradation pathways for each oxidation process.  

 

 

5.3.6.1  Electro-Oxidation By-Product Formation 

 

During the EO operation, the order of by-product identification proceeded first with the formation of DEA, 

followed by DEDIA. At 80 mA cm-2, DEA appeared after 5 minutes and DEDIA after 30 minutes, while at 

40 mA cm-2, the same by-products appeared later, after 15 and 90 minutes, respectively. The current density 

that provided the least atrazine degradation, 10 mA cm-2, also yielded only a low response of DEA 

throughout the electrolysis. At both of the higher current density operations, a small mass spectrometry 

response was observed near the end of electrolysis, which was associated with the formation of 

hydroxyatrazine. Because of the limited formation of hydroxyatrazine compared to DEA, it was inferred 

that the hydroxyl radicals generated during EO have a greater affinity towards breaking of the ethyl 

functional group of atrazine, compared to the chloride functional group. The complete set of MS response 

data, throughout the 120 minutes of electrolysis at all three current densities, is presented in Appendix E 

(Experimental Data and Results). Based on the time at which each oxidation by-product was identified 

during electrolysis, as well as the MS response (peak area), the potential atrazine degradation pathway 

during the EO process is shown in Figure 5.15.  
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Figure 5.15. Atrazine degradation pathway and by-product formation during electro-oxidation. 

 

 

5.3.6.2  Ferrate Oxidation By-Product Formation 

 

Similar to the results of the low current density EO tests at 10 mA cm-2, ferrate oxidation yielded only a 

low-level formation of DEA and hydroxyatrazine. In contrast to the EO, the appearance of hydroxyatrazine 

occurred earlier, within the first 5 minutes of the reaction period, and simultaneously with the identification 

of DEA. This indicates that the ferrate oxidation proceeds less discriminately than that of the hydroxyl 

radical mediated oxidation, whereby both ethyl and chloride functional groups were oxidised at similar 

rates. 

 

During the combined EO and ferrate oxidation process, the oxidation by-product DEA was again observed 

to be the first species formed, followed by DIA. Unlike the EO reaction, no DEDIA was observed for all 

conditions tested. This indicated that while the ethyl group of atrazine was initially broken, the isopropyl 

functional group opposite the ethyl group was not targeted, as it was during hydroxyl radical mediated 

oxidation (i.e., EO). Instead, DIA is formed either by the breaking of the methyl group from the isopropyl 

structure on DEA, or the oxidation of isopropyl functional group from the atrazine parent compound. Based 

on these results, a potential degradation pathway is presented in Figure 5.16.  

 

For the same initial Fe2+ concentration, the formation of oxidation products was delayed at decreasing 

current densities, as also observed with the EO process. However, for tests at the same current density, the 

formation and appearance of by-products during electrolysis were consistent for all three initial Fe2+ 

concentrations explored. Although the oxidation product species and their time of formation was consistent 

at all three initial Fe2+ levels, their MS intensity varied, indicating greater by-product formation with an 

increased Fe2+. These results were consistent with the observed overall atrazine degradation. The complete 

set of MS response data, throughout the 120 minutes of electrolysis at all three current densities and initial 

Fe2+ concentrations, is presented in Appendix E (Experimental Data and Results). Based on the time at 
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which each oxidation by-product was identified during electrolysis, as well as the MS response (peak area), 

the potential atrazine degradation pathway during the EO and ferrate oxidation process is shown in Figure 

5.16.  

 

 
Figure 5.16. Atrazine degradation pathway and by-product formation during ferrate oxidation and 

simultaneous EO and ferrate oxidation. 
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During the simultaneous EO and permanganate oxidation of atrazine, once again three oxidation by-

products were identified: DEA, DEDIA and DIA. Both DEA and DIA have been previously observed to 

form during permanganate oxidation (Meyer and Elsner, 2013). Similar to the EO process, DEA was the 

first product to form, while DEDIA and DIA were observed to form at the same time, following the 

formation of DEA. At the same operating current density, both the time of by-product formation during 

electrolysis, as well as the mass spectrometric response, were extremely similar for both Mn2+ = 182 and 

55 µM concentrations. Similar to the results observed for the EO oxidation operation, DEA, DEDIA and 

DIA followed the same pattern of formation during 40 mA cm-2 electrolysis, as was observed during 80 

mA cm-2 electrolysis, but with a delay to the time of formation. Unlike the EO process, the formation of 

DIA is facilitated either by the breaking of the methyl group from the isopropyl structure of DEA, or the 

oxidation of isopropyl functional group of atrazine. Moreover, the formation of DEDIA is likely due to the 

removal of the ethyl functional groups of DIA. The complete MS response data for all three current densities 

and initial Mn2+ concentrations are presented in Appendix E. Moreover, a potential atrazine degradation 

pathway during the EO and permanganate oxidation process is shown in Figure 5.17. 

 

 
Figure 5.17. Atrazine degradation pathway and by-product formation during permanganate oxidation and 

simultaneous EO and permanganate oxidation. 
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The toxicity and harmfulness of the oxidation by-products, to humans and other living organisms, can be 

partially evaluated by the octonal-water partition coefficient (partition coefficient, log KOW). The partition 

coefficient measures the relationship between lipophilicity and hydrophilicity, whereby higher coefficients 

represent greater bioaccumulation. While atrazine has a log KOW of 2.61, the predominant by-products of 

DEA, DIA and DEDIA have coefficients of 1.51, 1.15 and 0.32, respectively, indication decreased toxicity 

as atrazine is further degraded. Depending on the prevalence and quantity of the formed by-products, some 

further downstream treatment such as adsorption process like granular activated carbon, may be required 

in practice, if adequate time of EO did not allow for complete mineralisation.  

 

 

5.4  Perfluorooctane Sulfonate (PFOS) Degradation 

 

The second model pollutant used for degradation studies was PFOS, a synthetically synthesised industrial 

chemical used for a wide number of applications including as a mist suppressant agent for carcinogenic 

aerosols (Pilat and Pegnam, 2006), surfactants, lubricants and numerous household products such as carpet, 

clothing and non-stick cookware (Fujii et al., 2007). Unlike atrazine, which has received much research 

attention over the last several decades, PFOS is a relatively newer chemical now receiving much attention 

due to its widescale use and consequently, widespread contamination in the natural environment. The 

following section will present and discuss the use of EO, ferrate, permanganate and simultaneous EO-

ferrate/permanganate oxidation for the abatement of PFOS.  

 

 

5.4.1  Electro-Oxidation  

 

During EO experiments (no Fe2+ or Mn2+ addition) using an initial PFOS concentration of 0.80 μM (0.40 

mg L-1), increased degradation was observed with an increase in current density, as previously described 

with atrazine oxidation and widely reported phenomena during BDD electro-oxidation of organic micro-

pollutant species (McBeath et al., 2019). PFOS was observed to be relatively recalcitrant to the EO process 

when compared to atrazine degradation, yielding reductions of 23.7 (±8.2), 34.5 (±2.7) and 36.8 (±7.3) %, 

correlating to final PFOS concentrations of 0.61 (±0.09), 0.54 (±0.06) and 0.49 (±0.06) μM during 10, 40 

and 80 mA cm-2 operations after 120 minutes of electrolysis, respectively (see Figure 5.18).  

 

Contrary to previous BDD-EO studies (Carter and Farrell, 2008; Zhuo et al., 2012), PFOS degradation was 

not observed to closely follow pseudo-first-order reaction kinetics, particularly within the first 15-20 



 - 102 - 

minutes of electrolysis. Beyond this initial period of degradation which was characterised by a linear 

relationship between PFOS and electrolysis time (see Figure 5.18), pollutant degradation followed a first-

order reaction kinetic relationship (ln(PFOS0/PFOSt)) with time (see Figure 5.19).  Further tests were 

repeated with an initial PFOS concentration of 9.2 μM (4.60 mg L-1), an order of magnitude greater than 

the previous tests, to determine whether diffusion limitations were associated with the non-first-order 

behavior. At the increased initial concentration, after 120 minutes of electrolysis and 10, 40 and 80 mA cm-

2 current density operations, PFOS was observed to decrease by 22.0 (±2.0), 32.6 (±1.4) and 35.3 (±2.4) % 

respectively, which was within the standard deviation of reductions observed at low initial PFOS tests. 

These results indicate that no significant differences in degradation at the two initial PFOS concentrations 

exist. Similar results have been previous observed by other researchers (Schaefer et al., 2017), and 

correspond well to the liner region of the Langmuir-Hinshelwood model for surface chemical reactions 

(Fogler, 2014). 

 

 
Figure 5.18. Electrochemical oxidation of PFOS (pH = 7.1, T = 21.0 ± 0.8°C, PFOS0 = 0.80 μM). 
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Figure 5.19. Pseudo-first-order degradation analysis of PFOS during EO operations (shaded area 

indicating non-first-order kinetic behaviour) (pH = 7.1, T = 21.0 ± 0.8°C, PFOS0 = 0.80 μM). 

 

It was also observed from the EO results that PFOS degradation did not differ significantly between the 

three current densities investigated during the initial electrolysis period (0-20 minutes), suggesting the 

concentration of •OH does not effect PFOS degradation early in the process. As this initial period of 

degradation was linear with time and not dependent on PFOS or oxidant (•OH or direct electrode surface 

sites) concentration, the reaction was consistent with zero-order kinetics, a phenomenon observed in 

previous PFOS degradation by BDD-EO studies during non-mass transport limited conditions using a 

rotating disk electrode (Carter and Farrell, 2008). This mixed reaction kinetic system has been previously 

observed during BDD-EO with micro-pollutants like sulfamethoxazole (SMX) (Li et al., 2008). After 15 

minutes of electrolysis characterised by a zero-order reaction rate of k0 = 0.0088 µM min-1, the degradation 

followed pseudo-first order kinetics with reaction rate constants of k’ = 0.0007, 0.0020 and 0.0028 min-1 

during 10, 40 and 80 mA cm-2 operations, respectively (see Figure 5.20). An overview of the mixed-order 

reaction kinetic data is summarised in Table 5.2. 
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Figure 5.20. Zero-order (left) and pseudo-first-order (right) reaction kinetics for PFOS degradation 

during EO, between 0-15 minutes (all current densities) and 15-120 minutes of electrolysis, respectively.  

 

 

5.4.2  Ferrate Oxidation 

 

Similar to experiments conducted with atrazine, PFOS degradation via ferrate oxidation was investigated 

by first electrochemically generating ferrate oxidant and dosing PFOS stock solution. Electrolysis 

proceeded with an initial Fe2+ concentration of 179 µM and 80 mA cm-2, reaching an initial ferrate and 

PFOS concentration of 17.3 µM and 0.80 μM, respectively. PFOS and ferrate concentrations were 

monitored over 120 minutes of mixing. PFOS degradation was observed to proceed quickly, reaching a 

final concentration of 0.58 (±0.02) μM within 30 minutes (see Figure 5.21). 
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Figure 5.21. Electrochemical synthesised ferrate (Fe(VI)0 = 17.3 µM) oxidation of PFOS (pH = 7.1). 

 

A second-order reaction rate constant of 33.82 (±1.39) M-1 s-1 was determined between the 

electrochemically derived ferrate and PFOS (see Figure 5.22). Previous researchers have also observed 

efficient degradation of PFOS from lower oxidation state ferrate species, particularly Fe(V) and Fe(IV) 

species (Yates et al., 2014). Moreover, the presence of iron in the form of Fe2+
 and zerovalent iron (ZVI) 

has been observed to have synergistic effects on PFOS removal during UV (Jin et al., 2014) and ferrate 

oxidation (Deng et al., 2020), respectively.  

 

 
Figure 5.22. Second-order degradation kinetics of PFOS by ferrate oxidation (Fe(VI)0 = 17.3 µM, PFOS 

= 0.8 µM). 
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5.4.3  Simultaneous Electro- and Ferrate Oxidation 

 

Under similar conditions to those used during EO experiments, the degradation of PFOS was investigated 

in the simultaneous EO and ferrate oxidation system, using four initial Fe2+ concentrations of 179, 54, 18 

and 9 µM. When iron was added to the water matrix, PFOS degradation was observed to increase 

significantly when compared to the EO only process. PFOS removals of 34.0 (±2.0), 45.7 (±0.5) and 66.5 

(±0.1) % were achieved after 120 minutes of electrolysis at 10, 40 and 80 mA cm-2 and Fe2+
0 = 179 µM, 

correlating to final PFOS concentrations of 0.53 (±0.004), 0.43 (±0.01) and 0.27 (±0.01) µM, respectively 

(see Figure 5.23).  

 

 
Figure 5.23. Simultaneous EO and ferrate oxidation of PFOS with initial Fe2+ = 179 µM (pH = 7, T = 

21.0 ± 0.8°C). 
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both increasing current density and increasing Fe2+ concentration (see Figure 5.24). After 120 minutes of 

electrolysis at 80 mA cm-2, final PFOS concentrations were 0.27 (±0.01), 0.28 (±0.01), 0.35 (±0.01) and 

0.36 (±0.01) µM, for intial Fe2+
0 = 179, 54, 18 and 8 µM, respectively (see Figure 5.25). 

 

 
Figure 5.24. Pseudo-first-order rate constants of PFOS degradation at various current density and initial 

Fe2+ conditions.  

 

 
Figure 5.25. Simultaneous EO and ferrate oxidation of PFOS with during 80 mA cm-2 electrolysis (pH = 

7, T = 21.0 ± 0.8°C). 
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Table 5.2. Summary of PFOS degradation kinetics during EO and simultaneous EO-ferrate oxidation. 

[Fe2+] i Reaction 
Type 

Zero-Order Pseudo-First-Order 

µM mA cm-2 k0, uM min-1 R2 Time, min k1, min-1 R2 Time, min 

0.0 
10 

Mixed 0.0088 0.96 0-15 
0.0007 0.99 

15-120 40 0.0020 0.97 

80 0.0028 0.99 

9 
10 

Mixed 0.0088 0.95 0-15 

0.0013 0.96 

15-120 40 0.0026 0.99 

80 0.0053 0.98 

18 
10 

Mixed 0.0070 0.98 0-15 
0.0018 0.97 

15-120 40 0.0031 0.97 

80 0.0061 0.98 

54 
10 

Mixed 0.0117 1.00 0-10 
0.0023 0.97 

10-120 
40 0.0054 0.99 

80 First N/A 0.0086 1.00 0-120 

179 
10 

Mixed 0.0125 1.00 0-10 
0.0020 0.99 

10-120 
40 0.0046 0.98 

80 First N/A 0.0095 0.99 0-120 

 

 

The two conditions which provided the greatest correlation to pseudo-first-order reaction kinetic (R2>0.99) 

over the entirety of electrolysis were the two conditions which provided the fastest PFOS degradation: 80 

mA cm2 and Fe2+ = 179 and 54 µM. The resulting pseudo-first-order reaction rate constants at these two 

conditions were 0.0095 and 0.0086 min-1, respectively. For all other conditions, pseudo-first-order kinetics 

(linear ln([PFOS0]/[PFOSt]) versus time) were yielded between 15 and 120 minutes of electrolysis, while 

the first 10-15 minutes of electrolysis were better described by zero-order kinetics. A complete summary 

of the reaction rate orders and conditions is found in Table 5.2. All degradation data can be found 

graphically represented in Appendix E (Experimental Data and Results). 

 

Although the benefit of ferrate production and its subsequent oxidation of PFOS were clear (and reduction 

to lower cationic state iron species), it is noted that both direct oxidation sites at the electrode surface and 

adsorbed hydroxyl radicals were scavenged by iron cations, as the ferrate generation mechanism involves 

both direct and indirect oxidation at the BDD surface (as shown in Chapter 4). However, even at the lowest 

initial Fe2+ concentration of 9 µM, significantly increased removal of PFOS was observed when compared 

to the EO-only process.  
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5.4.4  Simultaneous Electro- and Permanganate Oxidation 

 

Unlike the enhanced PFOS degradation observed during simultaneous EO and ferrate generation 

conditions, water containing manganese (Mn2+) at both 182 and 55 µM did not provide additional 

contaminant removal. PFOS degradation, with an initial concentration of 0.80 μM, was observed to be the 

same at both initial Mn2+ concentrations during 80 mA cm-2 electrolysis. Moreover, no additional benefit 

was observed from permanganate compared to the EO control condition (no Mn2+ addition), with final 

PFOS concentrations after 120 minutes of electrolysis of 0.53 (±0.03), 0.48 (±0.02) and 0.49 (±0.06) µM 

for initial manganese concentrations of Mn2+ = 182, 55 and 0 µM, respectively (see Figure 5.26). The lack 

of enhanced degradation may be due to permanganate’s lower redox potential compared to ferrate, and/or 

the relatively lower generation under the same current density and initial reactant concentrations used 

during ferrate generation studies. Previous permanganate studies observed PFOS degradation via 

permanganate under acidic conditions at elevated water temperatures (>65ºC), both of which are unfeasible 

for drinking water treatment applications (Liu et al., 2012). As no additional benefits were observed during 

the simultaneous EO and permanganate oxidation process, permanganate-only experiments were not 

pursued.  

 

 
Figure 5.26. Simultaneous EO and permanganate oxidation of PFOS with during 80 mA cm-2 electrolysis 

(pH = 7, T = 21.0 ± 0.8°C). 
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5.4.5  Oxidation By-Product Formation 

 

Unlike atrazine oxidation, no clear PFOS degradation pathway could be determined or confidently proposed 

based on the oxidation by-products identified throughout electrolysis for both EO and simultaneous EO and 

ferrate oxidation, as well as ferrate only oxidation. Several predominant by-product species were observed 

to be formed, including: pentafluoroethane sulfonate, perfluoroheptanesulfonic acid (PFHpS), 

trifluoroacetic acid (TFA), perfluoropentane sulfonate (PFPeS), perfluorohexanesulfonic acid (PFHxS), 

pentafluoropropionic acid (PFPrA) and perfluorobutane sulfonic acid (PFBS), as well as several other 

species that were identified in trace amounts.  

 

 
Figure 5.27. Identified PFOS oxidation by-products during electro-oxidation. 
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perfluoropropanesulfonic acid, perfluorocaleric acid and 4-deoxypentonic acid were detected. A summary 

of the oxidation by-product species observed during EO is shown in Figure 5.27.  

 

During ferrate oxidation experiments, fewer oxidation by-products were observed, which would be 

expected as the extent of PFOS degradation was comparatively limited compared to the EO process. Three 

sulfonate-containing by-products, namely PFHpS (7-carbon chain), PFHxS (6-carbon chain) and 

pentafluoroethane sulfonate (2-carbon chain), were observed to increase over the 120 minutes of contact 

time. Similarly, TFA was once again observed throughout electrolysis with a low MS response, once again 

potentially accounting for some of the fluorocarbon molecules which are removed from PFOS and the other 

sulfonate-containing by-products. 

 

 
Figure 5.28. Identified PFOS oxidation by-products during ferrate and simultaneous EO and ferrate 

oxidation. 
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perfluoropropanesulfonic acid, pentafluoropropionic acid, 4-deoxypentonic acid and PFOA. A summary of 

the identified oxidation by-products observed to form during the simultaneous EO and ferrate oxidation 

process is given in Figure 5.28.  

 

Similar to the toxicity of the oxidation by-products of atrazine, in general, a decreasing partition coefficient 

is observed as PFOS degradation proceeds. A summary of the partition coefficients of PFOS and its 

aforementioned oxidation by-products observed throughout electrolysis are summarised in Table 5.3. 

 

Table 5.3. Summary of the partition coefficients of PFOS and related oxidation by-products.  

PFAS Compound Log KOW 

PFOS 4.49 

PFHpS 4.31 

PFHxS 4.34 

PFPeS 3.38 

PFBS 2.41 

Pentafluoroethansulfonic acid 0.48 

PFPrA 1.47 

TFA 0.50 

 

 

5.5  Chapter Conclusions 

 

The findings in this chapter demonstrate a novel water treatment system, which utilises the combination of 

conventional electro-oxidation and the simultaneous generation of ferrate and permanganate, for enhanced 

pollutant oxidation. The electro-synthesis of ferrate and permanganate from low levels of aqueous iron 

(Fe2+) and manganese (Mn2+), respectively, was shown to have a significant effect on the degradation of 

atrazine. Moreover, PFOS degradation increased significantly due to ferrate oxidation, even in the presence 

of very low concentrations (9 μM) of Fe2+. 

 

Electrochemical oxidation alone facilitated significant degradation of atrazine over the course of 

electrolysis and was well represented by pseudo-first-order reaction kinetics, due to the constant 

regeneration of hydroxyl radical species on the electrode surface. A clear trend in increased atrazine 

degradation was observed with an increase in current density (10, 40 and 80 mA cm-2), which agrees with 
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the results obtained in Chapter 4, whereby hydroxyl radical formation also increased with current density. 

When Fe2+ was added to the water matrix, atrazine pseudo-first-order degradation rates were observed to 

increase due to the generation and subsequent oxidation by ferrate. Moreover, the pseudo-first-order 

degradation rate constants also increased with increasing initial Fe2+concentration (9, 18 and 54 µM) due 

to the increased production of ferrate. Although it was observed in Chapter 4 that only a small concentration 

of permanganate (≤ 1 µM) could be generated by neutral BDD electro-synthesis, this chapter demonstrated 

that it was adequate to provide enhanced degradation of atrazine. Similar to the simultaneous EO and ferrate 

oxidation process, the simultaneous EO and permanganate process demonstrated that atrazine pseudo-first-

order degradation rates increased with increasing Mn2+ concentration (55 and 182 µM). The degradation 

pathway of atrazine for all oxidation processes was also explored by monitoring oxidation by-products 

formation. For the EO process, DEDIA followed the formation of DEA, whereas during the simultaneous 

EO and ferrate oxidation DEA was followed by the formation of DIA. During the simultaneous EO and 

permanganate oxidation process, the presence of DEA was followed by the formation of DIA and DEDIA. 

In contrast, during ferrate only oxidation, both DEA and hydroxyatrazine were observed to form 

immediately, whereas only DEA was observed during permanganate only oxidation.  

 

The degradation of PFOS was also evaluated using the electro-oxidation process. Compared to atrazine, 

PFOS was observed to be a more recalcitrant organic compound with limited degradation during the EO 

process, which was attributed to direct oxidation (i.e., not hydroxyl radical mediated). PFOS degradation 

was best described by mixed-order reaction kinetics, with the first 15-20 minutes of electrolysis following 

zero-order kinetics, while the remainder was well described by pseudo-first-order kinetics. When Fe2+ was 

added to the water matrix, a significantly increased PFOS degradation was observed at all initial Fe2+ 

concentrations (9, 18, 54 and 179 µM). In general, reaction rate constants increased with an increasing 

initial iron concentration and current density. The addition of Mn2+ to the water matrix provided no 

enhanced PFOS degradation, indicating that permanganate was not synthesised in high enough 

concentrations or that PFOS is particularly resistant to permanganate oxidation. Numerous PFOS oxidation 

by-product species were observed to form throughout reactions using EO, ferrate oxidation, and 

simultaneous EO and ferrate oxidation, these being predominantly pentafluoroethane sulfonate, PFHpS, 

TFA, PFPeS, PFHxS, PFBS and PFHxA. 

 

Although this Chapter investigated pollutant degradation in highly controlled and clean water matrices, 

promising results in terms of treatment performance were observed due to the co-generation of ferrate and 

permanganate during the EO process. The following chapter will repeat selected conditions explored in this 

chapter, with the addition of organic scavengers, specifically NOM and NOM-analogue species, to mimic 
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real water conditions to further evaluate the comparative performance, and appropriateness, of the 

electrochemical system for drinking water treatment applications. 
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6. TREATMENT OF SYNTHETIC WATER 

 

 
6.1  Chapter Introduction 

 

In the previous chapter, the electro-oxidation and simultaneous EO and ferrate/permanganate generation 

processes were explored for the degradation of two model pollutants, namely atrazine and PFOS. While it 

was shown in Chapter 5 that the combined oxidation and generation processes, and in particular the ferrate 

system, significantly enhanced the degradation of both atrazine and PFOS, these tests were conducted in 

highly controlled water matrices. In practice, numerous co-occurring aqueous species will exist, which can 

scavenge the various oxidation pathways, including hydroxyl radical, ferrate and direct electron transfer 

mediated oxidation on the electrode surface. Therefore, in this chapter, the effect of organic scavengers 

present in high concentrations within the water matrix is investigated, using a select set of conditions that 

were found to provide optimal pollutant degradation, as described in Chapter 5. Two scavenger species 

were used throughout these studies, which represent both low and high molecular weight organic species, 

and which may be found in raw, or partially treated waters. Firstly, an NOM surrogate species, resorcinol, 

was used as an analogue for disinfection by-product precursor species and is particularly representative of 

low molecular weight and hydrophilic NOM substances, which are the predominant organic residuals 

present after coagulation and flocculation unit operations  (Bond et al., 2009; Croue et al., 2000). Secondly, 

reverse osmosis isolated NOM was also used as an organic scavenger species to represent synthetic raw 

waters, containing a spectrum of low and high molecular fractions, which were used to investigate the 

oxidation system’s effectiveness in treating the model pollutants (atrazine and PFOS) directly from ground 

or surface water sources.  

 

In addition to the results and data presented in this chapter, additional experimental results for synthetic 

real water experiments are presented in Appendix E (Experimental Data and Results). Detailed procedures 

and conditions for each of the analytical techniques used are described in Chapter 3 and Appendix C 

(Analytical Methods Determination and Analysis). Finally, a complete description of all solution 
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preparation procedures for both the resorcinol and RO-isolated NOM solutions is outlined in Appendix B 

(Solution Preparation and Procedures).  

 

 

6.2 Methods and Materials  

 

6.2.1  Experimental Apparatus and Procedures 

 

All experiments were conducted using the batch-recycle reactor configuration with separated anolyte and 

catholyte compartments, as described in Chapter 3, under the same conditions used for oxidant generation 

experiments. The anolyte water temperature was held constant throughout all experiments at 21.8 ± 0.8°C, 

with a constant flow rate of 355 mL min-1 for both the anolyte and catholyte. All experiments were 

conducted in galvanostatic (constant current) operations using a potentiostat, investigating three current 

density conditions: 10, 40 and 80 mA cm-2. All water matrices (anolyte and catholyte) were composed of 

the phosphate buffer (see Chapter 3 and Appendix B for more information), with the addition of FeCl2 to 

the anolyte to reach the desired Fe2+ initial concentrations for ferrate experiments. Pollutant degradation 

experiments via simultaneous EO and ferrate oxidation were conducted with initial Fe2+ concentrations of 

179, 54, 18 and 9 µM (10, 3.0, 1.0 and 0.5 mg L-1 respectively). An initial atrazine and PFOS concentration 

of 0.9 μM (0.2 mg L-1) and 0.80 μM (0.4 mg L-1) were used, respectively. Resorcinol was added to the 

synthetic water matrix at a concentration of 9.1 µM (1.0 mg L-1), approximately one order of magnitude 

greater than atrazine and PFOS. RO-isolated NOM, derived from the raw water source at the Chellow 

Heights Water Treatment Plant (United Kingdom), was used to reach an initial dissolved organic carbon 

concentration of 3.00 mg L-1 and UV-absorbance at 254 nm (UV254) of 0.100 cm-1. Samples were taken at 

nine intervals (0, 5, 10, 15, 50, 45, 60, 90 and 120 minutes) throughout the 120-minute electrolysis period 

for atrazine/PFOS, DOC and UV254 analysis. All experiments were carried out in duplicates or triplicates 

(depending on the standard deviation of results).  

 

 

6.2.2  Analytical Methods 

 

Atrazine and resorcinol concentrations were determined using HPLC, while PFOS quantification was 

performed using UHPLC-MS/MS. Specific operating procedures and conditions for HPLC and UHPLC-

MS/MS analysis are detailed in Chapter 3 (and Appendix C). Organic pollutant and NOM mineralisation 

were quantified using a TOC analyser to measure the DOC concentration. The UV254 absorbance was 
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determined using a UV-spectrophotometer at a point wavelength of 254 nm. A complete description of the 

analytical techniques has been described previously, in Chapter 3.  

 

 

6.3  Synthetic Organic Scavenger: Resorcinol 

 

The scavenging effect of the low molecular weight species, resorcinol, was investigated in both the atrazine 

and PFOS water matrices with both the EO and simultaneous EO-ferrate system. The following two 

subsections highlight and discuss the results obtained for both the atrazine and PFOS investigations, 

respectively.  

 

 

6.3.1  Atrazine Degradation 

 

The conditions that provided the greatest degradation and mineralisation of atrazine for EO and 

simultaneous EO and ferrate oxidation in the controlled water matrix investigation (Chapter 5) were 80 mA 

cm-2 and Fe2+
0 = 54 µM, therefore these conditions were used for the resorcinol scavenger tests. Compared 

to the experiments outlined in Chapter 5, a much lower initial atrazine concentration of 0.9 μM (0.2 mg L-

1) was used (an order of magnitude lower than Chapter 5 tests) in order to be more representative of 

concentrations which would be found in contaminated natural raw waters.  

 

Without the addition of resorcinol, atrazine degradation was observed to proceed at a lower rate than that 

observed in the previous tests using a 9.3 μM initial atrazine concentration. This decreased reaction rate 

constant is to be expected, as the system is a mass transfer limited process dictated by the rate of diffusion 

of the pollutant species from the bulk solution to the electrode surface. As observed during the ferrate 

synthesis experiments, the atrazine concentration gradient between the bulk water solution and electrode 

surface (dCAtz/dx) is decreased when the initial concentration is low. This decreases the mass flux of atrazine 

(JAtz) towards the electrode-solution interface where hydroxyl radicals are concentrated. Given the 

decreased diffusive mass flux at the lower atrazine concentration, the pseudo-first-order degradation rate 

constant (k’) decreased from 0.011 min-1 at 9.3 μM of atrazine, to 0.006 min-1 when the initial atrazine 

concentration was 0.9 μM. When iron was added to the water matrix, the rate of atrazine degradation was 

again observed to increase, with k’ = 0.009 min-1. The difference in degradation between EO, and 

simultaneous EO and ferrate oxidation, was greater at lower atrazine concentration conditions, with a 

difference (EO+ferrate compared to EO) of 28.8% and 31.0% at initial atrazine concentrations of 9.3 and 
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0.9 μM, respectively. This likely occurred because ferrate is produced at the same rate and concentration, 

regardless of the initial atrazine concentrations. Since the initial Fe2+ concentration, as well as all other 

conditions, such as current density, were the same for the two initial atrazine concentrations, a greater ratio 

of ferrate-to-atrazine existed at the lower atrazine concentration (0.9 μM). Therefore, while the overall 

atrazine degradation due to EO will have decreased due to (atrazine) mass transport limitations in both the 

iron and non-iron containing water experiments, the ferrate generation and its subsequent transport to the 

bulk water solution will not have been affected. 

 

           
Figure 6.1. EO (left) and simultaneous EO and ferrate oxidation (right) of atrazine in non-scavenged and 

resorcinol scavenged conditions (Fe2+
0 = 54 µM, Atz0 = 0.9 µM, 80 mA cm-2). 

 

When resorcinol was added to the water matrix, atrazine degradation was observed to decrease for both the 

EO and simultaneous EO and ferrate oxidation processes (see Figure 6.1). While the simultaneous EO and 

ferrate oxidation process rate was observed to significantly decrease, from k’ = 0.011 to 0.005 min-1, the 

EO process decreased only slightly, from k’ = 0.006 to 0.005 min-1. The decreased pseudo-first-order 

reaction rate of the simultaneous oxidation process in the presence of resorcinol was the same as the 

deceased k’ of the EO-only process, indicating no significant difference in atrazine degradation which could 

be attributed to ferrate oxidation, as shown in Figure 6.2. These results indicate that ferrate was nearly 

completely scavenged by resorcinol, while atrazine degradation via hydroxyl radicals was largely 

unaffected in the presence of a high concentration (10:1) of organic scavenger. 
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Figure 6.2. Atrazine degradation during EO and simultaneous EO and ferrate oxidation (Fe2+

0 = 54 µM) 

at 80 mA cm-2 and 9.1 µM resorcinol.  

 

The affinity of ferrate oxidation towards resorcinol, rather than atrazine, was further evidenced when 

monitoring the resorcinol concentration during electrolysis for both the EO and the simultaneous EO and 

ferrate oxidation processes. Similar to atrazine degradation, resorcinol degradation was found to follow 

pseudo-first-order reaction kinetics for both oxidation processes. When iron was added to the water matrix, 

the first-order reaction rate constant was found to increase from 0.017 to 0.019 min-1, as shown in Figure 

6.3.  

 

 
Figure 6.3. Pseudo-first-order degradation or resorcinol during EO and simultaneous EO and ferrate 

oxidation (Fe2+
0 = 54 µM, Atz0 = 0.9 µM, 80 mA cm-2).  
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Similar to the investigation of atrazine degradation by electrochemically generated ferrate, discussed in 

Chapter 5, the degradation of resorcinol was investigated using the same method and procedures. Once 

again, by initially generating ferrate electrochemically over 120 minutes of electrolysis, resorcinol stock 

solution was added to achieve an initial ferrate and resorcinol concentration of 8.1 µM and 9.1 µM, 

respectively. The decline in resorcinol and ferrate concentrations was monitored over 120 minutes, under 

constant mixing via a magnetic bar and stirrer. Resorcinol degradation was limited to the first 60 minutes 

of mixing, with no further decrease in concentration observed thereafter, resulting in a final concentration 

of 6.1 (±0.1) µM. By assuming a second-order reaction model, the experimentally determined reduction in 

resorcinol and ferrate concentration gave a second-order reaction rate constant of 9.71 x 102 M-1 s-1, which 

was consistent with other reported second-order reactivities of ferrate with various phenolic compounds, 

including 4-methylphenol (9.6 ± 0.2 x 102 M-1 s-1), phenol (1.0 ± 0.04 x 102 M-1 s-1), 4-(tert)-butylphenol 

(5.8 ± 0.3 x 102 M-1 s-1), octylphenol (1.82 ± 0.26 x 103 M-1 s-1) and nonylphenol (1.71 ± 0.08 x 103 M-1 s-

1) (Sharma, 2013). The yielded second-order rate constant for ferrate and resorcinol is significantly greater 

than that yielded for ferrate and atrazine (23.5 M-1 s-1, see Figure 5.5), which confirms the results observed 

during the resorcinol scavenged simultaneous EO and ferrate oxidation experiments (see Figure 6.1).  

 

 

6.3.2  PFOS Degradation 

 

The degradation of PFOS in the presence of resorcinol was explored at a current density of 80 mA cm-2 

during the EO-only process, as well as the simultaneous EO and ferrate oxidation process with four initial 

Fe2+ concentrations of 179, 54, 18 and 9 µM. In general, the scavenging effect of resorcinol (decreased 

PFOS degradation) increased with increasing initial Fe2+ concentrations (see Figure 6.4), once again 

indicating a large scavenging effect associated with ferrate, as previously observed during atrazine 

degradation experiments. This phenomenon is further evidenced during electrolysis in waters containing 

no iron (Fe2+ = 0 µM), where no significant differences in PFOS degradation was observed when the 

resorcinol scavenger was added to the water matrix. Resorcinol has been previously found to be primarily 

degraded via hydroxyl radical oxidation during BDD-EO (Körbahti and Demirbüken, 2017) and was 

observed to be quickly degraded in control studies containing no PFOS or Fe2+, yielding a pseudo-first-

order degradation rate constant of k’ = 0.184 min-1. 
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(a)                                                                              (b) 

 
(c)                                                                        (d) 

Figure 6.4. PFOS degradation at 80 mA cm-2 with and without the resorcinol scavenger at: (a) Fe2+ = 9 

µM, (b) Fe2+ = 18 µM, (c) Fe2+ = 54 µM, and (d) Fe2+ = 179 µM. 

 

Because of the high degradation rate of resorcinol via EO and relatively low degradation rate of PFOS in 

the same system, with and without the presence of the resorcinol scavenger (i.e., no scavenging effect due 

to resorcinol), it is indicative that PFOS degradation is primarily via direct electrochemical oxidation and 

not hydroxyl radical attack. PFOS has been previously determined to be oxidised via direct electron transfer 

at the electrode surface during BDD EO by other researchers, using a hydroxyl radical scavenger (tert-

butanol) (Schaefer et al., 2017). PFOS’s recalcitrant nature with respect to hydroxyl radical degradation has 

been previously reported for other advanced oxidation processes (Lyu et al., 2015a; Moriwaki et al., 2005; 

Nzeribe et al., 2019; Vecitis et al., 2010; Zhuo et al., 2012). Although the PFOS degradation rate is relatively 

low compared to a pollutant like atrazine, which is oxidation primarily via hydroxyl radicals, the benefit of 
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the direct oxidation mechanism is the lack of scavenging effects on PFOS degradation due to the presence 

of low molecular weight organic species, which are predominantly oxidised by hydroxyl radical attack 

(McBeath et al., 2019). This is once again demonstrated in the earlier studies with atrazine, whereby the 

presence of resorcinol was found to inhibit the degradation of the target pollutant for both the EO and EO-

ferrate systems. Moreover, even with ferrate being highly scavenged by the resorcinol, PFOS removal was 

still observed to be significantly greater for all initial Fe2+ concentrations compared to an EO-only (i.e., Fe2+ 

= 0 µM) process (see Figure 6.4). 

 

 

6.4  Natural Organic Matter Scavenger  

 

The degradation of PFOS was further investigated in a synthetic real water matrix, whereby a select set of 

operating variables were investigated with an NOM scavenger, specifically a current density of 80 mA cm-

2 at initial Fe2+ concentrations of 54, 9 and 0 µM. Unlike the resorcinol scavenger, the RO isolated NOM 

provides a large range of molecular weight fractions of dissolved organic matter, with an initial specific 

ultraviolet absorbance (SUVA) of 3.316 (±0.1) L mg-1 m-1. Raw water characterised by higher SUVA values 

(>3 L mg-1 m-1) generally indicates greater concentrations of NOM fractions composed of large 

hydrophobic structures, such as higher molecular weight fractions of aquatic humic acid (Edzwald, 1993). 

In addition to PFOS treatment during electrolysis via both the EO and simultaneous EO and ferrate 

oxidation processes, the role of reduced iron species following ferrate oxidation, like iron oxides and 

hydroxides, as effective coagulant chemicals was investigated.  

 

 

6.4.1  PFOS Degradation 

 

No significant difference in PFOS removal was found between all conditions tested (i.e., Fe2+
0 = 54, 9 and 

0 µM), whereby a 67.3 (±0.7) % reduction was observed after 120 minutes of electrolysis, indicating no 

enhanced treatment due to ferrate production (see Figure 6.5). The total organic carbon concentration was 

also observed to be efficiently mineralised, with an average reduction in DOC of 71.3 (±2.9) % after 120 

minutes of electrolysis for all conditions (see Figure 6.5). Unlike the previous resorcinol conditions, no 

significant difference in PFOS degradation was observed during EO-ferrate operations in the presence of 

NOM compared to water conditions without NOM present, suggesting no ferrate scavenging. It is however 

unlikely that ferrate was not scavenged, as electrochemically generated ferrate oxidation had previously 

been observed to be adversely affected by NOM (Dubrawski et al., 2018). Interestingly, PFOS removal 
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during the EO-only process (i.e., Fe2+ = 0 µM) was observed to exceed that which was observed during 

non-NOM experiments, indicating greater PFOS abatement conditions in NOM rich waters. This is likely 

due to the complexation of PFOS and NOM, which is known to be adsorbed by hydrophobic interaction 

(Chen et al., 2012; Du et al., 2014; Jia et al., 2010). With PFOS-NOM hydrophobic interactions, the 

transport of PFOS to the site of oxidation at the electrode surface is likely to be greatly increased due to the 

high diffusive flux of high concentrations of NOM to the electrode. While PFOS was dosed into the 

synthetic real water at an initial concentration of 0.40 mg L-1, NOM was added at an initial concentration 

of roughly 38.8 mg L-1 to achieve an initial DOC concentration of 3.0 mg L-1 (see Appendix B for detailed 

NOM solution preparation instructions), therefore relative to PFOS, NOM will have a significantly greater 

diffusive mass flux ([Eq.1]). 

 

  
Figure 6.5. PFOS degradation (left) and DOC reduction (right) during EO and simultaneous EO and 

ferrate oxidation in NOM containing water (DOC0 = 2.96 mg L-1, PFOS0 = 0.8 µM). 

 

To investigate this further, experiments were repeated at a lower NOM concentration, correlating to an 

initial DOC and UV254 absorbance of 1.00 mg L-1 and 0.044 cm-1, respectively. With a lower initial NOM 

concentration, the diffusive mass flux towards the electrode, the primary site of oxidation, would also be 

decreased. Therefore, any beneficial effect for PFOS removal due to hydrophobic interactions would also 

be expected to decrease in the lower NOM conditions. Consistent with the previous results, greater removal 

of PFOS was observed during electrolysis in the NOM-containing water matrix (when compared to waters 

containing no NOM, highlighted in Chapter 5), however a decrease in PFOS removal was observed during 

electro-oxidation when compared to the high NOM concentration conditions. Therefore, a consistent trend 

of increased PFOS removal was yielded with an increase in initial NOM concentration, as seen in Figure 
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6.6. As expected, with a decrease in NOM, less PFOS adsorption by hydrophobic interaction would be 

expected and thereby decreased PFOS flux to the electrode surface, by way of NOM-driven diffusion.  

 

 
Figure 6.6. PFOS removal during 80 mA cm-2 electro-oxidation, with varying initial NOM concentrations 

(PFOS0 = 0.8 µM).  

 

 

6.4.2  Coagulation Effects 

 

When iron is present in the water matrix, both low cationic state iron and chemically reduced ferrate could 

provide additional PFOS removal due to coagulation effects, if the appropriate iron oxide and hydroxide 

species are formed, as previously observed by other researchers (Jiang et al., 2018; Tien et al., 2008). While 

NOM has been previously reported to be efficiently removed via iron electrocoagulation (McBeath et al., 

2020a), any generated iron coagulants and NOM flocs may have adsorbed PFOS species, helping to explain 

the increased removal during NOM experiments. To investigate this phenomenon, the same conditions used 

in the previous NOM experiments were tested (80 mA cm-2, Fe2+ = 54, 9 and 0 µM and DOC0 = 3 mg L-1). 

After 120 minutes of electrolysis, the electrical current was stopped, and the anolyte water was completely 

pumped into the anolyte vessel and gently stirred for an additional 120 minutes. 

 

A further reduction in NOM was observed due to coagulation and flocculation effects after the initial DOC 

mineralisation during electrolysis, with reduction of 28.3 (±4.3) and 16.6 (±9.0) % for Fe2+
0 = 54 and 9 µM 
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conditions, respectively (see Figure 6.7). Control studies were also conducted with no iron addition (i.e., 

Fe2+
0 = 0 µM) prior to electrolysis and mixing (flocculation). As expected, no effect of coagulation was 

observed, whereby all reductions in DOC occurred only during electro-oxidation. 

 

 
Figure 6.7. DOC reduction during 80 mA cm-2 EO (0-120 min) and flocculation (120-240 min), with 

initial Fe2+ concentration of 9 µM (left) and 54 µM (right). 

 

 
Figure 6.8. PFOS concentration during flocculation after 120 minutes of electro-oxidation (DOC0 = 0.96 

mg L-1). 

The PFOS concentration was also monitored over the 120 minutes of mixing (flocculation) time, to 
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observed, no additional PFOS removal was observed over the 120 minutes of mixing. In contrast, a slight 

increase in PFOS concentration was yielded for both Fe2+
0 = 54 and 9 µM (see Figure 6.8). Previous 

coagulation studies found that coagulant doses needed to exceed 10 mg L-1 for any significant reductions 

in PFOS to occur (Bao et al., 2014; Xiao et al., 2013). Moreover, previous researchers found that PFOS 

adsorption on NOM and removal by iron coagulation decreased with increasing humic and fulvic acid 

concentrations, due to both steric hindrance effects and competitive adsorption with NOM molecules, PFOS 

and the Fe3+ coagulants (Bao et al., 2014). This helps to explain why a slight increase in PFOS was observed 

over the 120 minutes of mixing, as NOM (composed of both humic and fulvic substances) adsorbed to Fe3+ 

coagulants to form flocs, as evidenced by the decrease in DOC for both initial Fe2+ concentrations; thus, 

PFOS would be competing for adsorption sites with both the iron coagulants and other flocs.  

 

 

6.5  Chapter Conclusion 

 

The findings in this chapter demonstrate the effectiveness of simultaneous electro-oxidation and ferrate 

oxidation in treating the problem organic pollutant chemicals atrazine and PFOS, in a synthetic real water 

matrix. While the degradation of atrazine and PFOS were both demonstrated in Chapter 5 under highly 

controlled water conditions, the potential use of the oxidation system in a real-world application was more 

accurately represented in this chapter. The presence of a low molecular weight organic species, resorcinol, 

was found to scavenge ferrate oxidants, but had little effect on the electro-oxidation performance of the 

system. Moreover, when NOM extract was introduced to the water matrix, PFOS removal was observed to 

increase despite hydroxyl radical and ferrate scavenging, due to hydrophobic interactions.  

 

The use of resorcinol as an analogue organic compound, representative of low molecular weight and 

hydrophilic NOM substances, was used for synthetic real water conditions typical of partially treated waters 

found after coagulation and flocculation unit operations. The enhanced degradative effects of atrazine 

attributed to ferrate oxidation in the simultaneous EO-ferrate system was nearly completely nullified in the 

presence of resorcinol, however, no further decrease in the atrazine degradation rate was observed for the 

EO-only system. These results demonstrate the proclivity of ferrate to be scavenged by resorcinol, which 

was present in solution at a concentration an order of magnitude greater than atrazine. Similar results were 

observed during PFOS experiments, whereby the EO-ferrate system yielded decreased degradation rates 

when compared to non-scavenged conditions (Chapter 5). Unlike the atrazine however, ferrate was not 

completed scavenged by resorcinol, and therefore the EO-ferrate system still provided enhanced PFOS 

degradation when compared to the EO-only process.  
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Reverse osmosis isolated NOM was used to prepare a synthetic real water, which was assumed to be 

representative of challenging raw ground and/or surface water sources. The EO and EO-ferrate systems 

were investigated for the treatment of PFOS in the NOM rich water. It was found that PFOS abatement 

increased in the presence of NOM, particularly for the EO-only process, due to the adsorption of PFOS 

with NOM compounds via hydrophobic interactions. This was further demonstrated when the initial NOM 

concentration was decreased, which consequently yielded a decrease in PFOS abatement. NOM 

mineralisation was also observed to proceed quickly during both the EO and EO-ferrate processes, as 

indicated by reductions in the DOC concentration throughout electrolysis. Further reductions in the DOC 

concentration by iron coagulation were also observed to occur after electrolysis, over a period of 120 

minutes of mixing.  

 

Although only demonstrated under bench scale conditions, the results presented in this chapter give promise 

to the oxidation system’s potential viability for applications in a drinking water treatment system. While 

many factors needing consideration prior to the technology’s application into industry remain, a promising 

proof-of-concept has been presented in Chapters 4-6. The following chapter will explore and discuss the 

results further, and identify aspects requiring further attention, including the oxidation system’s current 

limitations, its comparison with current and conventional oxidation techniques and scale-up studies. 

Moreover, a high-level process design is presented based on the yielded results given in this chapter.  
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7. GENERAL DISCUSSION 

 

 
7.1  Chapter Introduction 

 

The research presented in this thesis is concerned with the development of a novel water treatment process 

that is better suited for small, remote and/or decentralised system applications, thereby addressing some of 

the challenges that put the security of small and remote communities’ access to potable water at risk. In 

particular, two research objectives were accomplished: (1) the development of novel electrochemical 

reaction pathways for ferrate and permanganate oxidant synthesis, in circumneutral pH conditions, using 

low oxidation state, low concentration aqueous iron and manganese, via BDD electrochemical oxidation; 

(2) an evaluation of the combined EO and oxidant generation system and its applicability, in a water 

treatment context, to degrade the model organic pollutant compounds of atrazine and PFOS. Although the 

research outcomes have thus far been promising, several key factors require further consideration, which 

will be discussed in this chapter. In particular, the performance of the developed electro-oxidation ferrate 

and permanganate system will be evaluated in comparison to conventional and widely used treatment and 

oxidation processes, like UV, UV-H2O2, ozone and UV-ozone systems, as well as other advanced oxidation 

processes, such as Fenton reaction systems. The general discussion will also include potential factors which 

may inhibit or delay the widescale implementation of the electro-oxidation system presented in this thesis, 

such as the high costs currently associated with BDD electrodes or the energy requirements generally 

associated with electrochemical technologies for drinking water treatment applications, due to raw water 

sources which are predominantly characterised by low conductivities. Contrary to the technological 

barriers, factors not explored in the presented research which may increase the technology’s appeal to 

researchers, industry and water providers are also discussed, such as the exploitation of cathodic reactions 

during anodic oxidation for coupled process systems. Finally, this chapter will also present a high-level 

scale-up design of the simultaneous electro-oxidation and ferrate oxidation system, exploring system 

variables and conditions for its use in a point-of-entry (POE) application.  
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7.2  Conventional Oxidation Systems Comparison 

 

The viability of the electrochemical water treatment system presented in this thesis is not only dictated by 

its performance to address various common pollutant compounds like atrazine and PFOS, but also how it 

compares to other more conventional oxidation systems. While the focus of the research in this thesis sought 

to develop a promising alternative to conventional oxidation processes, particularly to eliminate the 

chemical supply chain required for processes like ozonation, chlorination, and hydrogen peroxide systems, 

the new process must also be considered a possible treatment solution for small and decentralised systems. 

Moreover, technologies like UV and vacuum-UV show promise for decentralised system applications 

because they require no chemical addition, however, photons which mediate pollutant degradation can be 

scavenged by co-occurring solutes like alkalinity or NOM (Chintalapati and Mohseni, 2019). The following 

two subsections will give a brief overview of the currently available published research concerning the 

oxidation of both atrazine and PFOS by more conventional processes, and discuss how they compare to the 

EO-ferrate and permanganate system.  

 

 

7.2.1  Atrazine Oxidation 

 

Atrazine has been identified as the EU priority substance which has received the most research attention 

since 2012 (He et al., 2019; Sousa et al., 2018). Even for several decades prior to 2012, a substantial amount 

of research has been directed towards investigating water treatment processes for the abatement of atrazine, 

including UV (Liu et al., 2019; Prado and Esplugas, 1999; Prosen and Zupančič-Kralj, 2005), O3 (Guzman-

Perez et al., 2011; Prado and Esplugas, 1999; Vera et al., 2009), UV/H2O2 (Luo et al., 2015; Prado and 

Esplugas, 1999), UV/O3 (Prado and Esplugas, 1999), O3/H2O2 (Prado and Esplugas, 1999), UV/O3/H2O2 

(Prado and Esplugas, 1999) and Fenton processes (Barreiro et al., 2007). A varying degree of degradation 

kinetics have been reported in the literature, as the efficiency of the various processes will depend on 

numerous factors including water quality parameters, reaction design considerations, as well as process 

conditions and oxidant doses. The pseudo-first-order atrazine degradation rate constants, in circumneutral 

pH conditions, are highlighted in Figure 7.1 (average, maximum and minimum k’ values reported in the 

literature). Moreover, the pseudo-first-order reaction rates observed for the BDD EO, and simultaneous EO 

and ferrate and permanganate oxidation processes reported in this thesis are also presented in Figure 7.1.  
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Figure 7.1. Average (¨), maximum (⊤) and minimum (⊥) pseudo-first-order reaction rate constants for 

atrazine degradation reported in the literature for various oxidation processes, and in this study 

(EO/Fe(VI) and EO/Mn(VII)). 

 

The pseudo-first-order reaction rates (k’) vary significantly, but those which were reported as having the 

highest k’ in the literature involved chemical addition, such as the H2O2-based UV process. Although the 

UV/H2O2 process had the highest average k’ reported in the literature, the efficacy of this process has also 

been found to be highly variable depending on source water quality. In particular, NOM has been observed 

to greatly affect the UV/H2O2 process by scavenging photons and generated hydroxyl radicals (Bazri et al., 

2012; Donham et al., 2014), therefore one or more pre-treatment steps would be necessary to decrease the 

NOM concentration prior to UV/H2O2 unit operations for high DOC-containing source waters. Other 

processes reported as having high k’ include UV/O3 and UV/O3/H2O2 systems. Once again, these systems 

will be highly dependent on source water quality, due to the scavenging effect that NOM and alkalinity can 

have on UV photolysis and therefore would also likely require pre-treatment steps, like coagulation and 

flocculation, prior to their application.  

 

The BDD-EO and simultaneous EO-ferrate and EO-permanganate processes presented in this study were 

comparable to processes like direct UV photolysis and ozonisation, and exceeded other oxidation processes 

like Fenton and EO-based systems using other anode materials like DSA (Malpass et al., 2006). Again, a 

benefit of the EO system is that no chemical addition is required, whereby all process chemical oxidants 
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(hydroxyl radicals, ferrate and permanganate) are produced on-site and on-demand, by exploiting the 

aqueous iron and manganese species in the raw source water. While the present study did find evidence of 

a high level of ferrate scavenging by dissolved organic carbon species (resorcinol) during atrazine 

degradation experiments, the rate of the EO-only process remained largely unaffected. This may suggest 

that pre-treatment processing prior to the EO unit operation may not necessarily be required. One interesting 

option for pre-treatment, if required, would be the use of electrocoagulation (EC), which is an 

electrochemical alternative to conventional coagulation. EC is a sacrificial anodic process, where the 

electrode dissolves into solution when electrical current is passed through the electrochemical cell. EC 

using iron anodes has previously been shown to be efficient for the treatment and removal of NOM at a 

pilot-scale, for small and remote system applications (McBeath et al., 2020a). The process also yielded an 

increased level of dissolved iron residual, which may be beneficial for the EO-ferrate system, which may 

provide increased atrazine degradation rates with an increasing initial dissolved iron concentration. 

Moreover, there exist areas for potential improvement to achieve substantially higher oxidant generation 

yields and pollutant degradation through reactor design considerations, which were not explored in this 

thesis, but were indicated by the developed mathematical model presented in Chapter 4. This will be 

expanded upon in section 7.5.  

 

 

7.2.2  PFOS Oxidation 

 

When compared to atrazine, PFOS is a relatively new contaminant species of interest. Although PFAS 

species have been widely manufactured for various industrial applications since the early 1950s, it was not 

until 2001 that definitive data, published in literature, documented their adverse health impacts and 

widespread contamination on a global scale (Giesy and Kannan, 2001). Since then, a lot of research 

attention has been paid to the abatement of PFOS (and other PFAS species), which has shown it to be a 

relatively recalcitrant compound.  

 

As highlighted in the previous section, many advanced oxidation processes have been investigated for the 

degradation of atrazine. The use of these processes has not been as extensive for PFOS treatment, due to its 

resistance to hydroxyl radical oxidation. In environmentally relevant circumneutral pH conditions, PFOS 

contains no organically-bound hydrogen and its recalcitrance can be attributed to the presence of fluoride 

atoms (i.e., …-CF2-CF2-…). Typically during advanced oxidation processes, hydroxyl radicals will attack 

organic hydrogen bonds; a mechanism which cannot be facilitated with PFAS, rendering it inert to advanced 

oxidation techniques (Vecitis et al., 2009). Moreover, photochemical approaches which were previously 
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observed to be efficient for atrazine degradation, like UV/H2O2 oxidation, have not yielded the same 

promising results for PFAS degradation because the addition of H2O2 has been found to decrease photolytic 

degradation due to photon scavenging (Hori et al., 2004). It is for these reasons that the current literature is 

limited in the area of oxidation.  

 

Some research has been published relating to PFOS degradation by ozonation (Lin et al., 2012), as well as 

by direct UV photolysis (Gu et al., 2020, 2017; Lyu et al., 2015a, 2015b). When compared to atrazine, 

pseudo-first-order degradation rate constants were significantly lower, however ozone was observed to 

outperform UV treatment. The pseudo-first-order PFOS degradation rate constants found in literature, in 

circumneutral pH conditions, are presented in Figure 7.2 (average, maximum and minimum k’ values 

reported in the literature). 

 

 
Figure 7.2. Average (¨), maximum (⊤) and minimum (⊥) pseudo-first-order reaction rate constants for 

PFOS degradation reported in the literature for various oxidation processes, and in this study. 

 

The EO-only process presented in this thesis provided competitive pseudo-first-order reaction rates when 

compared to ozonation, depending on the applied current density. However, the simultaneous EO and 

ferrate oxidation system outperformed ozonation oxidation, with higher average and maximum reaction 

rate constants. Moreover, when NOM was introduced to the water matrix, degradation rate constants were 

observed to be unaffected in the presence of the scavenger, and even provided increases in the PFOS 

removal rate for the EO-only process. This relatively high efficiency with both the EO and simultaneous 

0.00E+00

2.00E-03

4.00E-03

6.00E-03

8.00E-03

1.00E-02

UV O3 BDD-EO EO/Fe(VI)

k'
, m

in
-1



 - 133 - 

EO and ferrate oxidation processes can be attributed to the direct electron transfer mechanism at the 

electrode surface, in addition to ferrate oxidation, as the system is not only hydroxyl radical mediated.  

 

 

7.3  Systems Barriers and Challenges 

 

One of the barriers preventing the imminent and wide-scale adoption of the BDD-EO processes presented 

in this thesis is associated with the non-active anode material. As described in Chapter 2, the application of 

the BDD material is that it possesses a unique set of characteristics, namely the poor electrocatalytic 

behavior for electrochemical water splitting, and therefore a large electrical potential window of water 

stability (Martin et al., 1996; Swain and Ramesham, 1993). As a consequence of this, BDD anodes are able 

to operate in a high enough potential range to efficiently form hydroxyl radicals (Kapałka et al., 2010), 

which make them ideal for water treatment processes. However, while these electrocatalytic characteristics 

of BDD anodes render them an obvious chose for EO water processes, several other factors inhibit their 

adoption in industry.  

 

One obvious factor, which presents challenges for acceptance of BDD anodes by some researchers, water 

providers and industry, is their cost. While recent improvements in BDD growth processes have been made 

in order to reduce their costs (Cobb et al., 2018), freestanding BDD (no substrate support material) is still 

much more expensive than the widely used thin-film BDD electrodes due to the slow growth rates required 

for synthesising high quality electrodes (Chaplin, 2019). Moreover, BDD is limited by the size of the reactor 

vessels in which the chemical vapor deposition of BDD films can occur, as well as to substrates compatible 

with its growth conditions (such as silicon, as used in the study presented in this thesis). Other electrode 

materials exist which display high oxygen overpotential characteristics like BDD, such as lead(IV) oxide, 

antimony-doped tin(IV) oxide and Magnéli phase titanium oxides (TinO2n-1, 4 ≤ n ≤ 10) (Bejan et al., 2012; 

Comninellis, 1994). These materials can be prepared via relatively easier and less expensive methods 

(Jarzebski and Marton, 1976; Li et al., 2011; Xu et al., 2016), and possess the flexibility to be applied into 

high-surface-area, flow-through electrode configurations (Chaplin, 2019; C. Zhang et al., 2013b), thereby 

potentially enhancing mass transport and faradaic efficiency for the electro-synthesis of ferrate and 

permanganate. Despite these positive characteristics associated with the alternative electrode materials, they 

have yet to display as wide a potential range of water stability, and therefore high generation of hydroxyl 

radicals, relative to BDD. It is for this reason that BDD continues to be regarded as the most powerful of 

the high oxygen overpotential electrode materials.  
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Another challenge associated with the simultaneous EO and ferrate/permanganate oxidation system is the 

low concentration of aqueous iron and manganese in typical raw water sources. Moreover, the chemical 

addition of supplemental iron and manganese can present difficulties in their residual concentrations after 

treatment downstream, which may be necessary to comply with local and/or national drinking water safety 

standards (total iron and manganese standards). As observed in the research presented in this thesis, low 

initial concentrations of aqueous iron and manganese result in poor faradaic efficiencies for the 

electrochemical generation of ferrate and permanganate, respectively. The influence of current density and 

electrode potential on the selectivity and efficiency of electrochemical ferrate formation has been reported 

previously (Cañizares et al., 2009, 2007a; Sáez et al., 2008). This has shown that the synthesis is dependent 

on both the direct and hydroxyl radical mediated oxidation, and, at higher current densities, the 

concentration of ferrate and permanganate reaches a plateau as the transport of ferrate and permanganate 

precursors to the electrode surface becomes limiting. As the aqueous concentration of iron and manganese 

in the water decreases, the problem of transport limitation increases, as observed in this study. Some studies 

have speculated that increased mass transport occurs at higher current density operations, as oxygen bubble 

formation at the electrode surface enhances local mixing (Sáez et al., 2008). Moreover, some techniques 

have been explored to overcome the barriers associated with mass transport limitations of reactant to the 

electrode surface, for example, the use of ultrasonification (Sánchez-Carretero et al., 2011, 2010), which 

was shown to improve the faradaic efficiency of the electrochemical formation of ferrate.  

 

Another barrier surrounding the oxidation system’s adoption into drinking water treatment practice, is its 

associated energy requirements. Drinking water treatment processes involve typically low conductivity 

waters from ground and surface water sources. As indicated by Ohm’s law, to achieve a given current 

density, higher operating voltages will be required when treating lower conductivity (κ) water due to 

increased electrolytic resistance within the electrochemical cell. This is described by Eq. 15, where the 

ohmic loss (ηΩ) is inversely proportional to the electrolytic conductivity and directly proportional to the 

current density (j), and the inter-electrode distance (δ): 

 

 𝜂0 =
𝑗𝛿
𝜅

 [Eq.15] 

 

While the solution conductivity is determined by the source water’s ionic composition and concentration, 

the addition of salt to increase conductivity is not a viable option for drinking water treatment processes. It 

should also be noted that although an increase in anion species like chloride and sulphate in solution will 

increase its conductivity, the selectivity of ferrate or permanganate synthesis may decrease due to parallel 
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and competing reactions. There are, however, some solutions which can be implemented to reduce the cell 

resistance, and therefore reduce the process energy requirements. One such option relates to the reactor 

design, which can be implemented to decrease the operating voltage, is to decrease the inter-electrode gap 

(δ); this was shown previously by the mathematical model described in Chapter 4, as a means of increasing 

ferrate yield. Another approach is to utilise the half-cell cathodic reactions in parallel to the anodic oxidation 

process, whereby other useful reactions can be harnessed to generate other water treatment chemicals like 

H2O2, or chemicals which could offset energy requirements, such as H2 (Carlos A. Martínez-Huitle et al., 

2015). These considerations will be discussed further in the following section. 

 

 

7.4  Future Process Considerations 

 

The research presented in this study has focused solely on the anodic reactions, while ignoring the cathodic 

half-cell reactions taking place. In general, research involving the cathodic processes for the treatment of 

organic water pollutants has received much less attention compared to electrochemical anodic processes 

(Carlos A. Martínez-Huitle et al., 2015). The viability or consideration of the EO system presented in this 

thesis may be enhanced if the reactivity at the counter electrode was also exploited. Two potential processes 

that could be explored for future iterations of the electrochemical system are the direct cathodic reduction 

of pollutant compounds, and the indirect generation of process chemicals.  

 

The first coupled process could involve both simultaneous anodic oxidation and cathodic reduction of 

pollutant species. While the study presented in this thesis used a proton exchange membrane to avoid the 

electrochemical reduction of any synthesised ferrate or permanganate on the cathode surface, the benefits 

attributed to pollutant degradation at the cathode may outweigh the disadvantage of reduced ferrate and 

permanganate generation, due to the omission of a cell membrane. For example, the electro-oxidation of 

PFOS is generally slow due to the high electronegativity of the fluorine atoms bonded to carbon. Some 

researchers have found that the reductive dehalogenation of persistent halogenated organic contaminants 

lead to their increased susceptibility to oxidation (Hinz et al., 2000; Jones et al., 2003; Sayles et al., 1997; 

Vecitis et al., 2009; Wang and Zhang, 1997; Yak et al., 1999; Zhang, 2003). Once dehalogenation occurs, 

no further reduction occurs, so electro-oxidation would be required for further degradation (Vecitis et al., 

2009). While some ferrate and permanganate could be electrochemically reduced in such a cell that 

accommodated both anodic and cathodic processes, the increased susceptibility of the de-halogenated PFOS 

to be oxidised may increase the overall degradation capabilities of the system. 
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The coupled process of anodic oxidation and cathodic electro-synthesis could also be considered. In this 

case, the redox system would be the simultaneous EO for pollutant degradation and ferrate/permanganate 

synthesis, in harmony with the cathodic electro-generation of H2O2, which may further reduce the 

dependency on the chemical supply chain of various water treatment processes. Cathodic generation of 

H2O2 in circumneutral pH conditions has been previously demonstrated for water treatment applications, 

when protons (generated at the anode) and oxygen are readily available (Li et al., 2020). The cathodic 

generation of H2O2 may also better facilitate other advanced oxidation processes like UV-H2O2 or electro-

Fenton. An additional coupled process which may be of interest is the electrolysis of water at the cathode 

for electrochemical hydrogen gas (H2) generation (Hyunwoong et al., 2008). This process could proceed 

with the membrane-based cell, thereby maintaining high anodic current efficiency of pollutant degradation, 

as well as ferrate/permanganate generation (without oxidant reduction at the cathode). Examples of anodic 

oxidation of organic pollutant compounds and the simultaneous cathodic generation of hydrogen has been 

previously demonstrated in similar systems (Jiang et al., 2008; Park et al., 2009, 2008).  

 

 

7.5  Preliminary Process Design 

 

In order to evaluate the EO system at a larger scale, a high-level process design for the treatment of atrazine 

is presented in this section. This design will be based on the experimentally yielded data, as well as data 

derived from the mathematical model of ferrate generation presented in Chapter 4 and Appendix D. 

Additional information on the reactor design principles, assumptions, calculation and design equation 

derivations can be found in Appendix F (Process Design Considerations and Modelling).   

 

As previously assumed in the mathematical model presented in Chapter 4, the electrochemical reactor is 

represented as a plug flow reactor operating in a steady-state mode, whereby there is no accumulation of 

oxidants or pollutant within the reactor. The basis of the design was firstly to determine the reactor size 

needed to achieve a target conversion of atrazine (i.e., atrazine degradation), based on pseudo-first-order 

reaction rate constants yielded during laboratory experiments. It should also be noted that the total volume 

of multiple ideal plug flow reactors in series (i.e., electrochemical reactor composed of multiple cells) has 

the same total required volume as a single (combined) plug flow reactor. 

 

Atrazine was banned for use by the European Union in 2004, but still continues to be one of the most widely 

used herbicides in countries like the United States (U.S.) and Australia. A recent study, compiling data from 

the U.S. Environmental Protection Agency’s (EPA) National Lake Assessment, the U.S. Department of 
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Agriculture CropScape and the Global HydroLAB HydroLAKES databases found that 32% of U.S. water 

bodies contained atrazine, at an average concentration 0.17 μg L-1, with an analytical limit of detection of 

0.05 μg L-1 (Beaulieu et al., 2020). For the purposes of the presented design, the initial, and final target, 

concentration were assumed to be 0.17 and 0.05 μg L-1, respectively. Moreover, based on statistics reported 

by OFWAT, the water services regulator in England and Wales, the average personal water consumption 

in England and Wales is 140 L day-1, per person (Lawson et al., 2018). Finally, the United Kingdom Office 

for National Statistics (ONS) has reported that the average household size in the United Kingdom is 2.4 

people per household (Office for National Statistics, 2017). The design presented in this section, however, 

will include results for a range of household sizes, namely 2-5 people per household.  

 

One key design equation was derived from a mole balance of the ideal plug flow reactor, in steady state 

operations. Considering only a single simple reaction, describing the degradation of atrazine, the 

concentration and rates can be expressed in terms of conversion (Xi) of the key reactant (i.e., atrazine) i, as 

follows: 

 

 𝑋! =
𝐹!1 − 𝐹!
𝐹!1

 [Eq.16] 

 

Where Fi0 and Fi are the molar flow of reactant i in to, and out of, the reactor, respectively. With an initial 

and final atrazine concentration of 0.17 and 0.05 μg L-1, respectively, the target molar conversion is XATZ = 

0.71. The final design equation, specific for a first-order, irreversible reaction with a constant reactor 

volume, is as follows: 

 

 𝑉 =
𝜈
𝑘$
𝑙𝑛 J

1
1 − 𝑋2)3

L [Eq.17] 

 

Where 𝜈, k’ and V are the volumetric flow, the pseudo-first-order reaction constant and the total reactor 

volume, respectively. The complete derivation can be found in Appendix F (Process Design Considerations 

and Modelling). Since the conversion (XATZ), the pseudo-first-order reaction constant (k’) (yielded during 

atrazine degradation experiments) and the volumetric flow rate (𝜈) (calculated using the average water 

consumption per person, and the amount of people in a household) are known, the total reactor volume (V) 

can be calculated using [Eq.17]. At the highest current density (80 mA cm-2), a pseudo-first-order reaction 

constant of k’ = 0.011 min-1 was yielded for the EO-only (i.e., Fe2+
0 = 0 μM) process. Moreover, an 

additional 15% was added to the daily average water consumption per person as a conservative figure to 



 - 138 - 

account for higher peak flows. With this data, the required total reactor volumes were calculated for 2, 3, 4 

and 5 person households, as well as the corresponding total electrode (anode) surface area, with a fixed 

inter-electrode gap (δ) of 5 mm (summarised in Table 7.1). Moreover, the number of electrochemical cells 

(anode-cathode) within the electrochemical reactor assembly is given, assuming a single cell electrode area 

of 50 cm x 50 cm.  

 

Table 7.1. Reactor design parameters of an EO system for the treatment of atrazine (δ = 5 mm, k’ = 0.011 

min-1). 

Household 
(people) 

Water Usage, 
(L day-1) 

Total Volume 
(m3) 

Anode Area 
(m2) 

Number of 
Cells 

2 322 .025 5.0 20 

3 483 .037 7.5 30 

4 644 .050 10.0 40 

5 805 .062 12.4 50 
 

As seen in Table 7.1, the required total reactor volume, and consequently, the number of cells that would 

be needed within the reactor assembly, is extremely high. These results assumed that only EO would be 

used for treatment, without the presence of a high concentration of organic scavengers (although resorcinol 

tests did demonstrate that the EO-only process was not affected by the presence of the organic scavenger). 

This design also assumes the faradaic efficiency and rate of atrazine degradation remains unchanged with 

the applied reactor design modifications (e.g., k’ ≈ constant), which is unlikely to be true. As shown in the 

mathematical model developed in Chapter 4, small design modifications such as decreased inter-electrode 

gap or increased anode area greatly increase the oxidation rate of Fe2+ to ferrate, which would likely be true 

for atrazine degradation as well. For example, it was shown in Chapter 4 that if the current BDD electrode 

dimensions used throughout all studies was changed from 50 x 50 mm with a 10 mm inter-electrode gap, 

to 100 x 300 mm and a 5 mm inter-electrode gap, ferrate synthesis would double, in half of the time. 

Regardless, based on the assumptions and design parameters of the developed design, it is concluded that 

other reactor design considerations or pre-treatment would be necessary to make the system more feasible, 

with a more realistic reactor volume.  

 

In addition to the EO-only system, the same reactor design procedures were undertaken for the simultaneous 

EO and ferrate oxidation system. However, included in the design process was the ferrate model, which 

helped to predict oxidant generation based on the new reactor design specifications. The reactor process 

design was developed using an iterative process, whereby the reactor volumes determined for the EO-only 
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process (see Table 7.1) were initially inputted into the ferrate generation model final terms ([Eq.7-10]), 

which describes the concentration of generated ferrate as a function the inter-electrode gap and reactor 

residence time (dictated by the reactor volume), amongst other constant terms, such as the volumetric flow 

rate, the Fe2+ mass transport coefficient and the ferrate first-order degradation rate constant. An example of 

the model-generated data is shown in Figure 7.3, which represents ferrate generation at the final reactor 

design specifications for 80 mA cm-2 and an initial Fe2+ concentration of 54 µM. 

 

 
Figure 7.3. Predicted ferrate generation (mathematical model developed in Chapter 5), for 80 mA cm-2 

and Fe2+
0 = 54 µM (V = 0.062 m3, 𝜈 = 805 L day-1). 

 

From the model, a final ferrate concentration could be determined, with respect to the inputted reactor 

volume specifications and volumetric flow rate (depending on the household size). With the predicted 

generated ferrate concentration, a new pseudo-first-order reaction rate constant needed to be determined to 

describe the simultaneous EO and ferrate oxidation system in the updated reactor design specifications. 

From the lab-derived results, a correlation was observed between the pseudo-first-order reaction rate 

constant (k’) and the generated ferrate concentrations for the various conditions tested, as seen in Figure 

7.4. This relationship was used to interpolate a pseudo-first-order reaction rate constant at the model-

determined ferrate concentration and simultaneous EO operations. Once a k’ was yielded, it was used to 

calculate the total reactor volume using [Eq.17]. The new reactor volume specifications were once again 

inputted into the ferrate generation model to determine a final ferrate concentration, for a second iteration. 

The model yielded ferrate concentration was once again used to calculate a k’, which could be used to 

calculate a revised reactor volume. These steps were repeated over four iterations, after which very little 

differences in ferrate concentrations and k’ were observed from iteration to iteration. For all household 
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sizes, a similar final ferrate concentration was determined by the model, ranging from 34.4-34.8 µM, 

corresponding to a k’ = 0.44 min-1.  

 

 

 
Figure 7.4. Experimentally derived pseudo-first-order reaction constants (k’) for atrazine degradation and 

corresponding ferrate concentration during EO and simultaneous EO and ferrate generation experiments.  

 

Using the calculated final k’, the required total reactor volumes were calculated for 2, 3, 4 and 5 person 

households during the simultaneous EO and ferrate oxidation process, as well as the corresponding total 

electrode (anode) surface area, with a fixed inter-electrode gap (δ) of 5 mm (summarised in Table 7.2). 

Moreover, the number of electrochemical cells (anode-cathode) within the electrochemical reactor 

assembly is given, assuming a single cell electrode area of 50 cm x 50 cm. 

 

Table 7.2. Reactor design parameters of a simultaneous EO and ferrate oxidation system for the treatment 

of atrazine (Fe2+
0 = 54 µM, δ = 5 mm, k’ = 0.044 min-1). 

Household 
(people) 

Water Usage, 
(L day-1) 

Total Volume 
(m3) 

Anode Area 
(m2) 

Number of 
Cells 

2 322 .006 1.2 5 

3 483 .009 1.9 7.5 

4 644 .012 2.5 10 

5 805 .016 3.1 12.4 
 

As observed in Table 7.2, the required total reactor volume and corresponding anode area and number of 

cells within the reactor assembly substantially decreased with the simultaneous EO and ferrate oxidation 
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process, when compared to the EO only system. The predicted volume and reactor configuration were much 

more manageable and realistic for a real POE treatment system. For example, if an electrochemical POE 

system was fabricated for the four-person household (10 cells within the reactor), the total reactor 

dimensions could be as compact as 50 x 50 x 7.2 cm, assuming an electrode thicknesses of 2 mm, for both 

the BDD anodes and stainless-steel cathodes (see Figure 7.5). If the reactor required a proton exchange 

membrane, like that used during the electrochemical generation and oxidation studies presented in this 

thesis, the added reactor width would negligible. 

 

 
Figure 7.5. Electrochemical EO reactor diagram (not to scale) for a four-person household, with a total 

reactor volume of 0.012 m3.  

 

Once again, these results assume that no scavenging occurs, even if a high concentration of natural organic 

carbon species were present in the water matrix. Although ferrate was observed to be highly scavenged by 

resorcinol, it is unknown to what extent it would be scavenged at the increased concentration of ~ 34 µM, 

as resorcinol was also quickly degraded by EO. Moreover, this design once again assumes that the rate of 

EO oxidation (not including the oxidation associated with ferrate) does not increase with the significantly 

increased anode surface area, which is unlikely to be true given the greatly increased oxidation of iron with 

the new electrode specifications, as described by the oxidant generation model.  
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Of course, a rigorous scale-up investigation would be required prior to the implementation of an EO system 

for the POE treatment of micro-pollutants, like that presented in this hypothetical design process. The 

design does however highlight the theoretical importance that the presented simultaneous electrochemical 

ferrate generation and oxidation systems has for significantly increasing the efficiency of the conventional 

EO-only process, using a relatively low concentration of initial aqueous iron. 

 

 

7.6  Chapter Conclusion 

 

This chapter has summarised and discussed the key performance results yielded in this study, compared to 

conventional oxidation systems which are currently utilised in water treatment processes, as well as system 

challenges and opportunities which may inhibit or better facilitate the processes viability in practice, 

respectively. Finally, a preliminary scale-up process design was conducted in order to gain a perspective 

on what the EO parameters would for a POE treatment system application. 

 

In general, the EO and simultaneous EO and ferrate/permanganate oxidation systems were competitive with 

other more conventional oxidation systems, like O3 and UV/H2O2. While studies in the literature have 

reported particularly high first-order atrazine degradation rates for systems like UV/H2O2, these processes 

and their effectiveness are highly dependent on source water quality, whereby both peroxide and photons 

can be heavily scavenged by dissolved and undissolved organic carbon species. The EO-ferrate process 

provided high reaction rates for PFOS degradation when compared to other conventional advanced 

oxidation processes, largely due to ferrate oxidation and direct electrolysis, as PFOS and other PFAS 

species are recalcitrant to hydroxyl radical mediated oxidation.  

 

The barriers and challenges related to the advancement of the technology towards practical application were 

discussed. In particular, BDD electrodes have been criticised for their costs, which, in addition to the nature 

of the material, are high due to their slow synthesis and growth rates. Moreover, the generation of both 

ferrate and permanganate is highly dependent on the initial concentration of dissolved iron and manganese, 

respectively, which are typically very low (< 1 mg L-1) in raw water sources. Raw surface and groundwater 

are also characterised by low conductivities (< 0.1 S m-1), which increase the energy requirements of the 

electrochemical process. However, some aspects which were explored in this study, which may increase 

the suitability of the process to industry, include the combination of oxidative and reductive degradation of 

pollutants at the anode and cathode, respectively. This may be particularly effective for the treatment of 

PFOS, which has been previously observed to be more readily oxidised after dehalogenation, by reduction 
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processes. Additionally, other cathodic reactions could be combined simultaneously with anodic oxidation, 

like the generation of H2O2 or H2.  

 

Finally, a design exercise was conducted to analyse the scale-up of the EO system for the POE treatment 

of atrazine, for 2-5 person households, using average personal water consumption figures for England and 

Wales residents. The EO-only system yielded unrealistic reactor volume requirements, while the 

performance of the EO-ferrate system greatly increased the efficiency of the process. For the latter process, 

total reactor volumes of 0.006, 0.009, 0.012 and 0.016 m3 were required for 2, 3, 4, and 5 person households, 

respectively. While thorough scale-up laboratory experiments would be required to properly evaluate the 

process prior to application in a POE system, the design helped to highlight the increased performance of 

EO when ferrate generation and oxidation is facilitated. 
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8. CONCLUSIONS & RECOMMENDATIONS 

 

 
8.1  Thesis Conclusions 

 

The primary objective of this study was to develop a novel drinking water treatment process better suited 

for small, remoted and/or decentralised system applications, by eliminating the chemical supply chain 

associated with conventional oxidation technologies, whereby process chemicals are generated on-site and 

on-demand. In doing so, two high level research goals were accomplished: (1) development of a novel 

electrochemical reaction pathway for ferrate and permanganate oxidant synthesis, in circumneutral pH 

conditions, using low oxidation state, low concentration aqueous iron and manganese via BDD 

electrochemical oxidation; (2) evaluation of the capability of a combined EO and oxidant generation 

system, in a water treatment context, to degrade two model organic pollutants, atrazine and PFOS. In doing 

so, several key research outcomes were yielded, and the following will summarise the principal conclusions 

arising from the study.  

 

The research has provided the first example available in the scientific literature of in-situ electrochemical 

ferrate production in neutral pH conditions, using ambient iron (Fe2+) concentrations typical of raw (low 

oxygen) surface and ground water sources, as described in Chapter 4. The ferrate generation efficiency and 

effect of various operating variables were investigated, as well as the mechanism of iron oxidation. Some 

key conclusions which arose from this work include: 
 

• Ferrate generation was mass transport limited, with no significant differences in synthesis at the 

three current density conditions (10, 40 and 80 mA cm-2) when the initial Fe2+ concentration was 

54 µM and below.  

• The rate-limiting step for ferrate generation at low initial iron concentrations is the diffusion of the 

iron cation reactant to the electrode surface through the Nernst diffusion layer.  

• At increased initial Fe2+ concentration (179 µM), current density was observed to effect ferrate 

synthesis, thereby indicating that the process was no longer solely diffusion limited.  
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• A developed mathematical model describing ferrate generation under mass transport limitations 

correlated well with experimentally yielded data, helping to confirm that the lab-derived results 

agreed with those predicted by theory, as well as providing insights into reactor design 

considerations which could increase ferrate yield (such as inter-electrode gap and reactor volume). 

• A mixed reaction mechanism of both direct- and hydroxyl radical mediated oxidation was observed 

to be responsible for the synthesis of ferrate, from tests using cyclic voltammetry and hydroxyl 

radical scavengers.  

 

In addition to ferrate generation, this study provided the first example of in-situ electrochemical 

permanganate generation in neutral pH conditions, using low concentrations of ambient manganese (Mn2+). 

While the circumneutral generation of permanganate was observed to proceed less readily as that observed 

for ferrate generation, several important findings were yielded: 
 

• Although relatively low permanganate concentrations were generated under the test conditions, 

meaningful amounts were yielded demonstrating the first example of the reaction pathway.  

• The oxidation of Mn2+ progressed principally to an intermediate oxidation state in the form of 

insoluble manganese (Mn3,4,5+), such as thermodynamically stable species MnO2, Mn2O3 and/or 

Mn3O4.  

• A decrease in the concentration of aqueous manganese (Mn2+) occurred at a greater rate as the 

operating current density increased, irrespective of the initial concentration (Mn2+ = 55 and 182 

µM), indicating greater oxidation due to both increased hydroxyl radical generation and direct 

oxidation.  

• A mathematical model was developed to describe manganese oxidation to insoluble oxide species, 

which correlated well with experimental results.  

 

Having established a thorough understanding of the electrochemical generation of both ferrate and 

permanganate, the effectiveness of a simultaneous electro-oxidation and oxidant generation system for 

treating organic micro-pollutants was evaluated. The first pollutant explored was atrazine, which functioned 

as a suitable performance standard for comparison to other oxidation systems. From this work, several 

research conclusions were established: 
 

• The EO-only process (no iron or manganese addition) facilitated significant degradation of atrazine 

and was well represented by pseudo-first-order reaction kinetics, due to the constant regeneration 

of hydroxyl radical species at the electrode surface.  
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• Atrazine degradation increased with an increase in current density due to the increased hydroxyl 

radical formation.  

• Atrazine pseudo-first-order degradation rates were observed to increase when Fe2+ was added to 

the water matrix, due to the generation and subsequent oxidation of atrazine by ferrate. 

Furthermore, degradation rate constants increased with an increasing initial Fe2+concentration (9, 

18 and 54 µM) due to the increased production of ferrate.  

• Although only a small concentration of permanganate (≤ 1 µM) could be generated by neutral BDD 

electro-synthesis, it was observed to be adequate for enhanced degradation of atrazine, as pseudo-

first-order reaction rates increased when Mn2+ was added to the water matrix. 

• Atrazine degradation pathways were determined for all oxidation processes, by monitoring 

oxidation by-product formation. The main by-products identified included DEDIA, DEA, DIA and 

hydroxyatrazine. 

 

The degradation of PFOS was also evaluated using the electro-oxidation system, with and without the co-

generation of ferrate and permanganate. Unlike atrazine, PFOS is a much less researched contaminant 

species for oxidation treatment and is known to be recalcitrant to advanced oxidation processes. The key 

conclusions gathered from this research include: 
 

• Limited PFOS degradation occurred with the EO-only process and this was attributed to direct 

oxidation (i.e., not hydroxyl radical mediated). 

• PFOS degradation was best described by mixed-order reaction kinetics, with the first 15-20 minutes 

of electrolysis following zero-order kinetics, and subsequently the reaction was well described by 

pseudo-first-order kinetics.  

• When Fe2+ was added to the water matrix, PFOS degradation increased significantly, with reaction 

rate constants increasing with an increasing initial iron concentration and current density, or due to 

increased ferrate and direct oxidation of PFOS. 

• The addition of Mn2+ to the water matrix provided no enhanced PFOS degradation, indicating that 

permanganate was not synthesised in high enough concentrations, was preferentially scavenged by 

other manganese species and/or reduced by self-decomposition to lower oxidation state species.  

• Several oxidation by-product species were observed to form throughout electrolysis, and the most 

predominant species were pentafluoroethane sulfonate, PFHpS, TFA, PFPeS, PFHxS, PFBS and 

PFHxA. 
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Finally, the conditions which provided the greatest degradation of atrazine and PFOS were investigated in 

more complex water matrices, which included the low molecular weight organic scavenger resorcinol, as 

well as a range of molecular weight organic species using RO-isolated NOM. In particular, the EO and EO-

ferrate processes were evaluated using the synthetic real water matrices. Several principal conclusions arose 

from this phase of the study, including: 
 

• The enhanced degradative effects of atrazine attributed to ferrate oxidation in the simultaneous EO-

ferrate system significantly decreased in the presence of resorcinol. However, no decrease in 

atrazine degradation was observed for the EO-only system, indicating the susceptibility of ferrate 

to be principally scavenged by resorcinol.  

• Similar results were observed during PFOS degradation, whereby the EO-ferrate system yielded 

decreased degradation rates when compared to non-scavenged conditions. However, ferrate was 

not completed scavenged by resorcinol, whereby the EO-ferrate system still provided enhanced 

degradation when compared to the EO-only process.  

• PFOS abatement increased in the presence of NOM, particularly for the EO-only process, due to 

the physical adsorption of PFOS with NOM compounds via hydrophobic interactions.  

• Further reductions in the DOC by iron coagulation occurred after electrolysis, over a period of 

mixing, but provided no further decreases in PFOS.  

 

 

8.2  Future Research Recommendations 

 

While the results and research outcomes from this study are promising, several factors exist which both 

inhibit and facilitate the advancement of the technology and its adoption by industry, as discussed in 

Chapter 7 (General Discussion). The simultaneous EO and ferrate/permanganate systems were 

demonstrated to provide increased pollutant degradation at a bench-scale, which indicates promise for the 

technology at a pilot- and industrial-scale, as shown in the preliminary scale-up design presented in Chapter 

7. Based on these considerations, several recommendations for future work are proposed: 
 

(1) Based on the model results presented in Chapter 4, a reactor design study is recommended to 

investigate several key parameters like reactor volume, anode area and inter-electrode gap on both 

the generation of ferrate and permanganate oxidants, as well as the degradation of pollutant 

compounds. In addition to understanding the effect of reaction variables on oxidant generation and 

pollutant degradation, further validation of model results would be yielded, which could provide 

further insights towards future and scaled-up iterations of the electrochemical reactor.  
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(2) The minimal generation of ferrate using low initial Fe2+ concentrations was found to be largely due 

to mass transport limitations. Future investigations should be directed towards overcoming mass 

transport limitations, by increasing the mass flux of iron towards the electrode and/or by decreasing 

the diffusion layer thickness. Potentially, this can be facilitated via a number of methods, for 

example through bubble formation or sonification, or by increasing the fluid flow across the 

electrode surface, respectively. By decreasing the mass transport limitations, the generation of 

ferrate, and therefore the faradaic efficiency of the process, could be greatly increased. 
 

(3) To date, aside from BDD electrodes, the electrochemical generation of ferrate using alternative 

high oxygen overpotential electrode materials has only been demonstrated with antimony-doped 

tin(IV) oxide (Zhang et al., 2004). In view of the high costs of BDD, other electrode materials 

should be pursued for the circumneutral generation of ferrate and permanganate. In particular, 

Magnéli phase titanium oxide electrode materials may be a promising alternative, having already 

demonstrated nearly comparable oxidation and reduction potential windows of water stability 

(Anglada et al., 2009), as well as relatively non-complex and inexpensive methods of preparation 

(Xu et al., 2016). 
 

The exploitation of cathodic reactions is an area of research that has been largely unexplored, during 

simultaneous anodic oxidation processes. In particular, for the treatment of halogenated contaminants like 

PFAS, the removal of the proton exchange membrane may facilitate increased degradation due to cathodic 

reductive reactions in parallel with anodic oxidation. Moreover, the simultaneous generation of useful 

process chemicals, like H2O2 (for enhanced treatment) or H2 (for energy generation), could enhance the 

overall faradaic efficiency of the electrochemical process. 

 

Although the primary focus of this research was directed towards applications in small-scale water 

treatment systems, the use of this process could also be useful in industrial and/or municipal wastewater 

treatment. The benefits of industrial and wastewater applications are primarily associated with the water 

matrices, which generally have higher conductivities, resulting in a less energy intensive process. Moreover, 

some industrial waters like mining wastewaters, have high concentrations of metal cations (like iron and 

manganese), which would be favourable for the formation of ferrate and permanganate oxidant species. 

Lastly, the process would not be limited to circumneutral pH conditions, like it is when used for drinking 

water treatment applications.  
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APPENDIX A: Electrochemical Reactor Design 

 

 
A.1 Electrochemical Reactor Design Considerations 

 

The electrochemical reactor design was based on a previously used parallel plate, flow through cell, 

designed for the same purpose (ferrate generation) (Cataldo-Hernández et al., 2019). The modified reactor 

setup used in this study was smaller, accommodating a 50 x 50 mm anode and cathode, whereas the original 

reactor was designed to accommodate 100 x 100 mm electrodes. In Figure A.1, a computer aided design 

schematic of the original reactor (left), as well as the same (assembled) reactor components of the cell used 

in this study (right) are shown.  

 

 
Figure A.1. Original electrochemical reactor (left) (Cataldo-Hernández et al., 2019) CFD schematic, and 

assembled electrochemical reactor used in this study (right), with labelled components (1) inlet, (2) outlet, 

(3) electrical plugin, (4) inlet electrolyte chamber, (5) electrode support, (6) rubber gasket, (7) electrode, 

and (8) inlet flow distributors. 

 

The primary electrochemical cell design consideration was the minimisation of variability of water flow 

velocity across the electrode surface, which can result in areas of stagnant flow, poor mixing and unevenly 

distributed reactant (Fe2+/Mn2+),  consequently yielding variations in the local current density distribution 

(McBeath et al., 2020b). In order to distribute incoming flow (both anolyte and catholyte), an inlet 

electrolyte chamber and flow distribution channels (see Figure A.1 components (4) and (8), respectively) 

were incorporated into the reactor design.  The former provides a large flow input area when compared to 

the area of the inlet tubing (0.8 mm inner diameter), thereby redistributing the water flow across the entire 
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width of the cell and electrode. The latter further redistributes the flow that has entered the electrochemical 

cell, to minimize water velocity variations across the electrode surfaces. Both the electrolyte inlet chamber 

and flow distribution channels of the reactor used in this study are shown in Figure A.2. The completely 

assembled reactor is shown in Figure A.3.  

 

 
Figure A.2. Electrolyte inlet chamber (left) and flow distribution channels (right, indicated by the red 

square) in the electrochemical reactor, to help evenly distribute anolyte and catholyte flow across the 

anode and catholyte surfaces, respectively.  

 

 
Figure A.3.  Completely assembled electrochemical cell: front/back view (left) and side view (right).  
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A.2 Electrochemical Reactor Components  

 

All of the various components that comprise the electrochemical cell used for the oxidant generation and 

pollutant degradation experiments were constructed with either PVC, inert rubber or stainless steel. The 

components fabricated with PVC are as follows: 

(1) Electrolyte inlet chamber (see Figure A.2) 

(2) Electrode back plate support (see Figure A.4) 

(3) Electrode inner plate holder (see Figure A.4) 

(4) Potentiostat electrical plugin (see Figure A.5) 

 

 
Figure A.4. The inner reactor plate (left), which helps to distribute flow (inner side) and holds the 

electrode in place (outer side), and electrode back plate holder (right).  

 

 
Figure A.5. Removable (threaded) electrical plugin, located on both the anode and cathode sides. 

Inner Side Outer Side Inner Side Outer Side 
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Components made of inert rubber include the gasket, located in between the electrode back support plate 

and inner electrode plate holder in the assembled cell (see Figure A.6). Moreover, rubber O-rings are located 

on both the inner side of the inner electrode plate holder and the electrolyte inlet chamber (see Figure A.6).  

 

 
Figure A.6. Inert rubber components of the electrochemical cell: gasket (left), inner electrode plate O-

ring (centre) and electrolyte inlet chamber O-ring (right).  

 

The primary components fabricated with stainless steel are the brace plates which are used to assemble and 

sandwich the various reactor components. Two sets of brace plates were used on the anode and cathode 

side. One plate was located on the back support plate and one on the electrolyte inlet chamber (see Figure 

A.3 and Figure A.7).  

 

 
Figure A.7. Stainless steel brace plates used for the reactor assembly. 
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APPENDIX B: Solutions Preparation and Procedures 

 

 
B.1 Phosphate Buffer Solution 

 

The base water matrix for most experiments, unless otherwise noted, was a phosphate buffer (pH=7.0, 

0.1M), composed of ultrapure RO water, sodium phosphate monobasic (NaH2PO4) and sodium phosphate 

dibasic (Na2HPO4). If using sodium phosphate anhydrous, of either the monobasic or dibasic form, the 

following compounds are mixed to generate the buffer solution: 

 

(1) 5.074 g/L NaH2PO4 

(2) 8.192 g/L Na2HPO4 

 

When using a hydrated form of either mono- or dibasic sodium phosphate, the equivalent mass was 

calculated to yield the same molarity as that when using the anhydrous form of the salt. Sodium phosphate 

(mono- and dibasic) was mixed with a magnetic stirrer and bar until completely dissolved and stored in 

amber vials at room temperature for no longer than a seven-day period. 

 

 

B.2 Atrazine Stock Solution 

 

Atrazine stock solutions were routinely prepared in 1 L batches, most often on a weekly basis. Stock 

solutions were stored in the refrigerator at 4˚C to avoid degradation due to increased temperature and light 

exposure. Stock solutions were quantified using HPLC everyday prior to experiments, to check for changes 

in concentration and consequently ensure the correct dilution for initial experimental conditions.  

 

Roughly 25 mg of atrazine was added to a phosphate buffer water matrix in a 1 L volumetric flask and 

sonicated for 5-10 minutes in cold water. After sonication, the atrazine solution was mixed with a magnetic 

bar and stirrer for 16-24 hours at room temperature under an enclosed box to minimise degradation due to 

light exposure. After mixing, the entire 1 L atrazine solution was filtered using 0.45 μm cellulose nitrate 

membrane syringe filters. The filtered solution was then analysed using the HPLC, whereby final stock 

solution concentrations were ~15 mg L-1.  
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B.3 NOM Stock Solution 

 

NOM stock solutions were made using naturally derived organic material extract, which was retrieved from 

the raw waters at Chellow Hights Water Treatment Works (Bradford, UK). The NOM extract was isolated 

by RO lyophilization procedures, described elsewhere (Lambert, 1993). Stock solutions were prepared in 

2 L batches, as follows: 

 

(1) 250 mg of NOM was diluted into a 2 L volumetric flask containing phosphate buffer solution. 

(2) NOM solution was sonicated for a maximum of 2 minutes, with intermittent mixing (manually 

agitating the volumetric flask by hand) throughout. 

(3) NOM solution was mixed with a magnetic bar and stirrer for 2-3 hours. 

(4) Using a 90 mm diameter 0.45 μm cellulose nitrate membrane filter, the mixed NOM solution was 

filtered via vacuum filtration, removing any undissolved suspended organic species.  

 

The resulting NOM stock solution has an average DOC concentration of 7.5-8 mg L-1. Stock solutions were 

diluted with phosphate buffer to reach initial DOC concentrations of 3.00 mg L-1, resulting in a UV254 of 

0.100 cm-1. 

 

 

B.4 ABTS Solution 

 

B.4.1  Acetate Buffer Solution 

 

An acetate buffer (pH=4.1) was used as a part of the ABTS methods for ferrate and permanganate 

quantification. The buffer solution is made in 1 L batches and contains the following compounds: 

 

(1) 34.3 mL glacial acetic acid (CH3COOH) 

(2) 7.8 g sodium phosphate monobasic dihydrate (NaH2PO4•2H2O) 

(3) 26.67 g sodium phosphate dibasic dihydrate (Na2HPO4•2H2O) 

 

The above three chemicals were added to reverse osmosis pure water in a volumetric flask to a final 

concentration of 1 L. The solution was mixed with a magnetic bar and stirrer for roughly 20-30 minutes, to 

allow the mono- and dibasic sodium phosphates to dissolve completely.  
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B.4.2  ABTS Reagent Solution 

 

The ABTS reagent solution was produced in small batches, to avoid long storage periods, and reagent loss 

due to self-decomposition. In a small Erlenmeyer flask, 10 mg ABTS tablets (Sigma-Aldrich) were added 

to RO water and manually mixed (by swirling the flask) until the tablets were completely dissolved, yielding 

a 1 g L-1 ABTS solution. Next, in a 25 mL volumetric flask, 5 mL of the acetate buffer solution (section 

B.4.1) and 1 mL of the ABTS solution were added and stored in the refrigerator. These prepared volumetric 

flasks were then ready to be used for ferrate and permanganate sample analysis, as described in Chapter 3.  

 

 

B.5 Sodium Nitroprusside Reagent Solution 

 

The SNP reagent solutions was made by first preparing 50 mL solution of 10% (m/v) sodium nitroprusside, 

10% (m/v) potassium ferricyanide and 5% (m/v) NaOH in RO water. After mixing by manual swirling in 

the volumetric flask, the solution was diluted to a final volume of 300 mL using RO water and stored in the 

refrigerator at 4˚C, to avoid degradation due to increased temperature and light exposure. 

 

 

B.6 Other Stock Solutions 

 

Resorcinol and PFOS stock solutions were made by simply adding the respective chemicals, at a known 

concentration, to the phosphate buffer solution. Resorcinol stock was made in 1 L batches at a concentration 

of 20 mg L-1. After the addition of resorcinol to the water matrix, the solution was stirred via magnetic bar 

and stirrer for at least 60 minutes. PFOS stock solutions were made by adding 100 mg of PFOS to 1 L-1 

volumetric flask containing RO water. The PFOS solutions was mixed for roughly 24 hours by magnetic 

bar and stirrer, then filtered using 0.45 μm cellulose nitrate membrane syringe filters. The filtered PFOS 

stock solution was then analysed using the UHPLC-MS/MS, to determine the exact concentration of the 

stock solutions prior to dilution to experimental initial conditions. Both the resorcinol and PFOS stock 

solutions were stored in the refrigerator at 4˚C, to avoid degradation due to increased temperature and light 

exposure. 
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APPENDIX C: Analytical Methods Determination & Analysis  

 

 
C.1 Ferrate Quantification 

 

Two ferrate determination techniques were considered for quantification, both of which were indirect 

spectrophotometric methods. The chosen method for all ferrate synthesis studies employed the use of an 

ABTS reagent (see section 3.5.2). Further details on the ABTS method of ferrate determination, including 

calibration curves and UV-spectrum data is provided in the following section. The other quantification 

technique considered employs the use of a sodium iodide (NaI) reagent. Although the NaI method produces 

relatively benign waste compared to that of the ABTS method (Cataldo-Hernández et al., 2017), the LOD 

and LOQ is not as sensitive as that yielded with ABTS.  

 

As outlined in section 3.5.2 (Ferrate Quantification), a visible UV absorption maximum of ABTS•+, the 

light-absorbing radical cation produced when ABTS is oxidised by ferrate, was observed at 415 nm. This 

maximum is the only maxima yielded over a spectral range between 380-500 nm (see Figure C.1).  

 

 
Figure C.1. Absorption spectra of ferrate in the range of 2.5-33.4 µM (pH = 7) by indirect ABTS 

spectrophotometry.  

 

From the point-absorbance data at 415 nm, an absorbance-concentration correlation calibration curve can 

be yielded (see Figure C.2). The linear standard calibration curve is yielded with a good coefficient of 

determination (R2) of 0.999. From the calibration curve, the molar absorption coefficient is determined to 
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be 10,915 M-1 cm-1, which can then be used to determine the ferrate concentration of unknown samples 

using the procedures outlined in section 3.5.2.  

 

 
Figure C.2. Absorbance – concentration correlation for indirect BTS spectrophotometric analysis of 

ferrate at 415 nm ([Fe(VI)] = 0-12.2 µM).  

 

 

C.2 Permanganate Quantification 

 

No widely accepted or cited method for the analytical quantification of permanganate existed, therefore an 

accurate and sensitive method needed to be developed to carry out the permanganate synthesis study. In 

view of these limitations, three spectrophotometric methods were developed and compared for the 

quantification of low concentrations (0.03-63 µM) of aqueous permanganate in neutral pH conditions: (1) 

direct spectrophotometric determination, (2) indirect NaI spectrophotometric determination, and (3) 

indirect ABTS spectrophotometric determination. The development of the three analytical methods resulted 

in a methods manuscript submitted and accepted for publication in Chemosphere (McBeath et al., 2020c).  

 

The ABTS method, like that used for ferrate quantification, was chosen for most of the experiments due to 

its sensitivity and accuracy, however for select experiments using higher concentrations of potassium 

permanganate, the direct spectrophotometric method (outlined in the following section) was used. A 

summary of the results of all three methods is found in Table C.1 and described in more details in the 

following subsections. 
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Table C.1. Summary of spectrophotometric methods for quantifying permanganate in buffered solution. 

 Direct Indirect – ABTS Indirect – NaI 

λmax 525 nm 415 nm 352 nm 

Abs. Coeff. 3340 M-1 cm-1 140,030 M-1 cm-1 61,130 M-1 cm-1 

R2 0.998 0.998 1.000 

LOD 0.45 µM 0.01 µM 0.02 µM 

LOQ 1.51 µM 0.03 µM 0.08 µM 

 

 

C.2.1  Direct Spectrophotometric Determination 

 

Permanganate standards were prepared in the range of 0-63 µM, using potassium permanganate, and 

analysed immediately after preparation to avoid possible decomposition by UV-visible spectrophotometry 

in a spectral range of 190-800 nm. Figure C.3 shows that three major absorbance peaks were observed at 

507, 525 and 545 nm. The latter two wavelengths were the most pronounced, with the 525 nm peak having 

the greatest absorbance (λmax). As both peaks (525 and 545 nm) were present in the spectra of all the 

standards tested, both wavelengths were investigated further for their sensitivity in the determination of 

permanganate. 

 

Standards of the same permanganate concentration were analysed at both 525 and 545 nm, allowing 

calibration curves to be made for each wavelength and the determination of molar absorption coefficients. 

For both wavelengths, a linear standard curve was obtained with a high coefficient of determination (R2 > 

0.99) (see Figure C.4). Tests to determine the sensitivity of the direct spectrophotometric quantification 

method yielded an LOD and LOQ of 0.45 and 1.51 µM, respectively. For the calibration curve at 525 nm 

wavelength, a molar absorption coefficient of 3340 M-1 cm-1 was yielded, while at 545 nm wavelength the 

molar absorption coefficient was 3220 M-1 cm-1.  
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Figure C.3. Absorption spectra of permanganate in the range of 0.6-63.3 by direct spectrophotometry. 

 

 

 
Figure C.4. Absorbance – concentration correlation for the direct spectrophotometric analysis of Mn(VII) 

at 525 nm (left) and 545 nm (right) (pH = 7.0, [Mn(VII)] = 0 – 63.3 µM). 

 

 

C.2.2  Indirect NaI Spectrophotometric Determination 

 

The NaI method was explored as a potential method with greater sensitivity for the quantification of low 

levels of permanganate, when compared to direct spectrophotometry. The NaI method is an alternative to 

the ABTS method, which has the advantage of not producing organic waste associated with the reagent 
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solution (as with the ABTS method). When NaI is present in excess, permanganate species react with I- to 

produce the anionic triiodide product I3
-, which has a characteristic yellow colour. This method has been 

applied previously for the quantification of other oxidative species, such as ferrate (Luo et al., 2011) with 

an absorbance peak at 351 nm.  

 

This indirect method involves an NaI reagent solution, composed of phosphate buffer (pH=7.1, 0.1M), as 

described in Appendix B, and NaI (BDH Chemicals Ltd), to achieve a final concentration of 0.1 M NaI. 

Fresh reagent solutions should be prepared for each set of quantification experiments and stored at 4°C 

between UV-visible absorbance analyses. In a 25 mL volumetric flask, 4 mL of NaI reagent is added and 

the remainder of the flask is filled with the permanganate standard and phosphate buffer to reach a desired 

final concentration. 

 

A spectral analysis (380-500 nm) was conducted for the same range of permanganate concentrations 

previously investigated (see Figure C.5). One clear maximum was observed at 352 nm, characteristic of the 

absorbance peak of I3
- anions, and corresponding to the solution having a faint yellow colour.  

 

 
Figure C.5. Absorption spectra of the indirect NaI analysis of permanganate in the range of 0.6-48µM 

(pH=7.0). 

 

A linear standard curve was yielded at 352 nm (R2 = 1.000), as seen in Figure C.6. From this, a relatively 

high molar absorption coefficient of 61,130 M-1 cm-1 was determined. The sensitivity of the NaI method 

was characterized by an LOD and LOQ of 0.02 and 0.08 µM, respectively. Although not as sensitive as 
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the ABTS method, the NaI method provides an accurate method of quantification for low concentrations 

of MnO4
-, without the need for an unstable organic reagent (ABTS). 

 

 
Figure C.6. Absorbance – concentration correlation for indirect NaI spectrophotometric analysis of 

permanganate at 352 nm (pH = 7.0, [Mn(VII)] = 0-48µM). 

 

 

C.2.3  Indirect ABTS Spectrophotometric Determination 

 

Ultimately, the indirect ABTS spectrophotometric determination method was chosen for permanganate 

quantification throughout the oxidant generation study. As outlined in section 3.5.3 (Permanganate 

Quantification), a visible UV absorption maximum of ABTS•+, the same light-absorbing radical cation 

produced when ABTS is oxidised by ferrate, was observed at 415 nm (see Figure C.7). Preliminary tests in 

the selected spectral range (380-500 nm) indicated that peak absorbance values for permanganate 

concentrations above 25 µM (3 mg L-1) were unreliably large for the spectrophotometer and therefore the 

method was not practical for use at such high MnO4
- concentrations without dilution prior to analysis. 

However, the sensitivity of the ABTS method indicated its suitability for lower concentrations of 

permanganate (Fig. 4).  

 

While manganate (Mn5+) also has a characteristically bluish-green colour in solution, no interference with 

ABTS•+ absorbance is expected because, in circumneutral pH conditions, the manganate species is highly 

unstable and will quickly reduce to lower oxidation state manganese species such as Mn4+ (MnO2), Mn3+ 

(Mn2O3), Mn2+ or other stable manganese oxides (e.g. Mn3O4). Furthermore, although empirically similar 

in colour, previous research has shown that manganate has a UV absorbance maxima at 610 nm (Al-

Tamrah, 1999; Rahman et al., 2004; Rajendraprasad and Basavaiah, 2016). 
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Figure C.7. Absorption spectra for the indirect ABTS analysis of permanganate (0.6 – 12.7 µM, pH=7.0). 

 

A linear standard curve was generated for MnO4
– concentrations < 12.7 µM using the peak ABTS 

absorbance at 415 nm with an R2 > 0.999 (see Figure C.8). From the standard curve, the molar absorption 

coefficient was determined to be 140,030 M-1 cm-1, a value far greater than that yielded by both direct  and 

indirect NaI spectrophotometric analysis, indicating a much more sensitive quantification method. The 

sensitivity of the ABTS method was further indicated by the yielded LOD and LOQ of 0.01 and 0.03 µM, 

respectively. 

 

 
Figure C.8. Absorbance – concentration correlation for the indirect ABTS spectrophotometric analysis of 

permanganate at 415 nm (pH = 7.0, [Mn(VII)]= 0 – 12.7 µM). 

 

0.00

0.40

0.80

1.20

1.60

2.00

375 400 425 450 475 500

Ab
so

rb
an

ce
, c

m
-1

Wavelength, nm

0.6 uM
1.9 uM
3.2 uM
4.4 uM
6.3 uM
12.7 uM

y = 0.140x
R² = 0.999

0.0

0.3

0.6

0.9

1.2

1.5

1.8

0 2 4 6 8 10 12

Ab
so

rb
an

ce
, c

m
-1

MnO4
-, µM



 - 195 - 

Further analysis was undertaken to understand the relevance of the ABTS method in a water treatment 

context, whereby quantification of permanganate would be performed on a water matrix containing various 

other ions. To understand the interference that may occur, tap water (London, UK – Thames Water Utilities 

Ltd.) was analysed using the ABTS method. The water company does not use permanganate in the treatment 

process, so therefore it was expected that no detectable permanganate would be present. Tap water, left to 

stand for 24 hours to allow for the decay of any chlorine residual (representative of treated water), was 

analysed in triplicate and an average concentration of 0.004 µM was determined, which was well below the 

calculated LOD of the method. This indicates that any co-existing ions may have a limited effect on 

absorbances, but are not likely to affect permanganate values significantly. 

 

 

C.3 Methanol Quantification 

 

Methanol was quantified using the sodium nitroprusside (SNP) reagent method (Zhan et al., 2010) in a 

concentration range of 8-187 µM (0.25-6.00 mg L-1). A linear correlation was yield with methanol 

concentration and UV-absorbance at 481 nm, with a good coefficient of determination (R2 > 0.999). 

 

 
Figure C.9. Absorbance – concentration correlation for the indirect SNP spectrophotometric analysis of 

methanol at 481 nm. 
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C.4 Aqueous Manganese Quantification (ICP-OES) 

 

Total dissolved manganese was quantified using ICP-OES in a concentration range of Mnaqu of 9.1-72.8 

µM using an ICP 23 multi-element standard solution diluted in nitric acid. The yielded linear calibration 

curve has a high coefficient of determination (R2 > 0.999) (see Figure C.10).  

 

 
Figure C.10. ICP-OES calibration curve for total aqueous manganese ([Mnaqs]= 9.1-72.8 µM). 

 

 

C.5 Atrazine Quantification (HPLC) 

 

The atrazine concentration was determined using HPLC, with a mobile phase composition of 50%/50% 

water and acetonitrile at a flow rate of 0.45 mL min-1, a column temperature of 55ºC and the UV detector 

at a wavelength of 224 nm.  Empower software was used for both the control of the HPLC, as well as the 

post-processing data analysis. In these conditions, atrazine was observed to have a retention time (RT) of 

3.67 minutes. Even throughout electrolysis, with the production of oxidation by-products, no additional 

peaks were observed to overlap with the peak associated with atrazine (i.e., complete peak separation 

throughout electrolysis and sampling). An example of a chromatogram from Empower is shown in Figure 

C.11. 
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Figure C.11. Example chromatogram of atrazine elution during HPLC analysis (from HPLC Empower 

software).  

 

The HPLC atrazine peak area was automatically converted into atrazine concentration in Empower, through 

the construction of a calibration curve in the range of 0.46-9.27 µM (0.1-2.0 mg L-1). A high coefficient of 

determination was yielded from atrazine standards (R2 = 0.9999), as seen in Figure C.12.  

 

 
Figure C.12. HPLC calibration curve for atrazine quantification ([Atz]= 9.1-72.8 µM). 
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C.6 PFOS Quantification (UHPLC-MS/MS) 

 

PFOS was quantified by UHPLC-MS/MS, operating in the negative ESI mode with the MRM analysis. A 

column temperature of 50ºC and mobile phase flow rate of 0.50 mL min-1 was used, whereby the mobile 

phase was composed of 2 mM ammonium acetate buffer and methanol according to the flow gradient 

outlined in Table C.2.  

 

Table C.2. UHPLC-MS/MS mobile phase flow gradient conditions for PFOS quantification. 
 

Time, min Flow, mL min-1 %Aa %Bb 

0.00 

0.500 

70.0 30.0 

3.00 0.00 100.0 

5.00 0.00 100.0 

5.10 70.0 30.0 

6.00 70.0 30.0 
a Ammonium acetate buffer (2 mM) 
b Methanol 

 

Under these conditions, PFOS was observed to have an RT of 2.25 minutes. Because MRM analysis was 

used, with only two fragments monitored (99.000 and 80.000 Da), PFOS chromatogram peaks were the 

only species observed. The UHPLC-MS/MS instrument was controlled using MassLynx V4.1 software, 

whereby two distinct peaks attributed to the two PFOS fragments were observed (see Figure C.13.). 

 

 
Figure C.13. Example MS chromatogram of two PFOS fragments (99 and 80 Da) in MassLynx software. 
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Figure C.14. Example MS chromatogram of the two PFOS fragments (99 and 80 Da) in UNIFI post-

processing software.  

 

All raw data from MassLynx was transferred to UNIFI software for post-processing and data analysis (see 

example chromatogram in Figure C.14). UNIFI calculated PFOS concentrations of samples using a 

calibration curve that was created using PFOS standards in the concentration range of 0.1-0.5 µM (0.05-

0.25 mg L-1). A high coefficient of determination was yielded from PFOS standards (R2 = 0.9992) and a 

relative standard deviation (RSD) of 3.5%, as seen in Figure C.15.  

 

 
Figure C.15. UHPLC-MS/MS calibration curve for PFOS ([PFOS]= 0.1-0.5 µM) from UNIFI software. 
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APPENDIX D: Iron and Manganese Oxidation Model Development 

 

 
D.1 Ferrate Generation Model 

 

The mathematical model was developed to describe the electrosynthesis of ferrates (Fe6+) from an Fe2+ 

reactants, under idealised conditions and assumptions. The model is derived through a mole balance of: (1) 

the electrochemical reactor and, (2) the analytic vessel system (and respective inlet/outlet tubing) (see 

Figure 3.2). First considering just the electrochemical reactor and more specifically, the area of the reactor 

occupied by the electrode, the moles of oxidant are accounted for by entering (IN), exiting (OUT), their 

generation at the electrode surface (GEN), consumption (self-decay) (CONS), and the accumulation within 

the electro-active volume of the reactor (ACC): 

 

 𝐼𝑁 − 𝑂𝑈𝑇 + 𝐺𝐸𝑁 − 𝐶𝑂𝑁𝑆 = 𝐴𝐶𝐶 [Eq.D1] 

 

The boundaries of [Eq.S1] is defined within the volume of the electrochemical cell directly above the 

electrode (electro-active volume), which could be of arbitrary width (B), inter-electrode gap (δ) and length 

(L). In the specific case of the reactor used in the presented research, B=L=50 mm and δ=10 mm. 

 

 
Figure D.1. Electrode surface, of length L and width B, whereby water is assumed to be plug flow. 

 

Two key assumptions that are made while developing the model include: 

(1) Plug flow reactor, i.e. no water flow velocity variations and perfect mixing 

(2) The system and kinetics are completely mass transfer/diffusion limited 
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Evidence from both the computational fluid dynamics model and laboratory experiments suggests that 

aforementioned assumptions are fair and applicable to the model. The IN, OUT, GEN, CONS and ACC 

terms from [Eq.D1] are defined as: 

 

 𝐼𝑁 = 𝑄$ ∙ 𝐶!"($%)(𝑥, 𝑡) [Eq.D2] 

 𝑂𝑈𝑇 = 𝑄$ ∙ 𝐶!"($%)(𝑥 + ∆𝑥, 𝑡) [Eq.D3] 

 𝐺𝐸𝑁 = 𝑘* ∙ 𝐵 ∙ ∆𝑥 ∙ 𝐶!"(%%) 7𝑥 +
∆5
6
, 𝑡; [Eq.D4] 

 𝐶𝑂𝑁𝑆 = 𝑘+ ∙ 𝐵 ∙ 𝛿 ∙ ∆𝑥 ∙ 𝐶!"($%) 7𝑥 +
∆5
6
, 𝑡; [Eq.D5] 

 𝐴𝐶𝐶 = 0 [Eq.D6] 

 

Where QV, CFe(VI), km and kd represent the volumetric flow rate [m3 s-1], molar concentration [mole m-3], 

mass transport coefficient [m s-1] and degradation coefficient [s-1], which are assumed to be first-order 

kinetics. The above [S.2-S.6] correspond to Fe6+ at an arbitrary cross section of the electrode, at a distance 

x from the inlet boundary (x=0) at some time t, of an arbitrary thickness Δx. When [Eq.D2-D6] are inputted 

in to [Eq.D1], the general rate balance becomes: 

 

 
𝑄$𝐶!"($%)(𝑥, 𝑡) − 𝑄$𝐶!"($%)(𝑥 + ∆𝑥, 𝑡) + 𝑘*𝐵∆𝑥𝐶!"(%%) 7𝑥 +

∆5
6
, 𝑡;

− 𝑘+𝐵𝛿∆𝑥𝐶!"($%) 7𝑥 +
∆5
6
, 𝑡; = 0 

[Eq.D7] 

 

When divided by Δx, equation [Eq.D7] becomes: 

 

 𝑄$𝐶!"($%)(𝑥, 𝑡) − 𝑄$𝐶!"($%)(𝑥 + ∆𝑥, 𝑡)
∆𝑥 + 𝑘*𝐵𝐶!"(%%) 7𝑥 +

∆5
6
, 𝑡; − 𝑘+𝐵𝛿𝐶!"($%) 7𝑥 +

∆5
6
, 𝑡; = 0 [Eq.D8] 

 

When the limit ( lim
78→3

.) is taken and derived, [Eq.D8] becomes: 

 

 −𝑄$
𝑑𝐶!"($%)(𝑥, 𝑡)

𝑑𝑥 + 𝑘*𝐵𝐶!"(%%)(𝑥, 𝑡) − 𝑘+𝐵𝛿𝐶!"($%)(𝑥, 𝑡) = 0 [Eq.D9] 
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At this point, other assumptions that are made include: 
 

(1) All iron species are homogeneously distributed across the electrode 

(2) Iron species exist only as either Fe2+ or Fe6+ (no partial oxidation products) 

(3) Total iron is conserved, as follows: 

 

 𝐶!"(%%),3 = 𝐶!"(%%)(𝑥, 𝑡) + 𝐶!"($%)(𝑥, 𝑡) [Eq.D10] 

 

The conservation of iron equation ([Eq.D10]) can be rearranged and substituted into [Eq.D9] to yield: 

 

 −𝑄$
𝑑𝐶!"($%)(𝑥, 𝑡)

𝑑𝑥 + 𝑘*𝐵Q𝐶!"(%%),3 − 𝐶!"($%)(𝑥, 𝑡)R − 𝑘+𝐵𝛿𝐶!"($%)(𝑥, 𝑡) = 0 [Eq.D11] 

 

Which can be rearranged as: 

 

 
𝑑𝐶!"($%)(𝑥, 𝑡)

𝑘*𝐶!"(%%),3 − (𝑘* + 𝑘+𝛿)𝐶!"($%)(𝑥, 𝑡)
=
𝐵
𝑄$

𝑑𝑥 [Eq.D12] 

 

This equation can be integrated by defining boundary conditions, with respect to just the reactor (electro-

active area). The following boundary conditions are defined: 

 

 𝐶!"($%)(𝑥, 𝑡)|5:3 = 𝐶!"($%)(𝐼𝑁, 𝑡) [Eq.D13] 

 𝐶!"($%)(𝑥, 𝑡)|5:1 = 𝐶!"($%)(𝑂𝑈𝑇, 𝑡) [Eq.D14] 

 

 When the boundary conditions are applied to [Eq.D12], the following is yielded: 

 

 
𝑘*𝐶!"(%%),3 − (𝑘* + 𝑘+𝛿)𝐶!"($%)(𝑂𝑈𝑇, 𝑡)
𝑘*𝐶!"(%%),3 − (𝑘* + 𝑘+𝛿)𝐶!"($%)(𝐼𝑁, 𝑡)

= 𝑒𝑥𝑝 T−
(𝑘* + 𝑘+𝛿)𝐵𝐿

𝑄$
V [Eq.D15] 

 

Furthermore, the above ([Eq.D15]) can be simplified by defining the reactor volume (VR) and residence 

time (tR) as: 

 

 𝑉, = 𝐵𝛿𝐿 [Eq.D16] 
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 𝑡, =
$!
;"

 [Eq.D17] 

 

Therefore [Eq.D15] can be further simplified and rearranged to isolate for the generated oxidant 

concentration leaving the reaction at time, t: 

 

 
𝐶0<(𝑂𝑈𝑇, 𝑡) =

'#
(

$#
% )'&

X1 − 𝑒𝑥𝑝 6−X
𝑘*
𝛿 + 𝑘+Y 𝑡,<Y 𝐶!"(%%),3

+ 𝑒𝑥𝑝 6−X
𝑘*
𝛿 + 𝑘+Y 𝑡,< 𝐶!"($%)(𝐼𝑁, 𝑡) 

[Eq.D18] 

 

The above expression could be used to understand ferrate generation for a continuous operation, flow 

through reactor (not in batch-recycle operations). The same approach taken above can be used to model the 

generated oxidant concentration in a batch recycle configuration, where samples are drawn to be analysed 

during laboratory experiments from the anolyte reservoir. To do so, another mole balance is completed, this 

time defining the boundaries of the reservoir as: 

 

 𝐼𝑁 = 𝑄$𝐶!"($%)(𝑂𝑈𝑇, 𝑡) [Eq.D19] 

 𝑂𝑈𝑇 = 𝑄$𝐶!"($%)(𝐼𝑁, 𝑡) [Eq.D20] 

 𝐺𝐸𝑁 = 0 [Eq.D21] 

 𝐶𝑂𝑁𝑆 = 𝑘+𝑉$𝐶!"($%)(𝐼𝑁, 𝑡) [Eq.D22] 

 𝐴𝐶𝐶 = 𝑉$
+='(("*)(%.,>)

+>
 [Eq.D23] 

 

Where VV is the volume of the reservoir vessel. Other terms found in [Eq.D19-23] are consistent with those 

used in [S.1-18], at some arbitrary time, t. One again, the above terms are substituted into [Eq.D1] for a 

mole balance: 

 

 𝑄$𝐶!"($%)(𝑂𝑈𝑇, 𝑡) − 𝑄$𝐶!"($%)(𝐼𝑁, 𝑡) − 𝑘+𝑉$𝐶!"($%)(𝐼𝑁, 𝑡) = 𝑉$
+='(("*)(%.,>)

+>
 [Eq.D24] 

 

The residence time of the reservoir can be defined as: 

 

 𝑡$ =
$"
;"

 [Eq.D25] 



 - 204 - 

This can be substituted into [Eq.D24], as well as the CFe(VI) (OUT, t) term defined in [Eq.D18]: 

 

 

,!
-

"!
# .,$

!1 − 𝑒𝑥𝑝 '− !
𝑘/
𝛿
+ 𝑘0+ 𝑡1-+ 𝐶23(44),6 − !1 + 𝑘0𝑡7 − 𝑒𝑥𝑝 '− !

𝑘/
𝛿
+ 𝑘0+ 𝑡1-+ 𝐶23(84)(𝐼𝑁, 𝑡)

= 𝑡8
𝑑𝐶23(84)(𝐼𝑁, 𝑡)

𝑑𝑡
 

[Eq.D26] 

 

When rearranged: 

 

 
𝐶"#(%&)(𝐼𝑁, 𝑡)

(!
)

"!
# *($

61 − 𝑒𝑥𝑝 <−6𝑘+𝛿 + 𝑘,@ 𝑡-A@ 𝐶"#(&&),/ − 61 + 𝑘,𝑡0 − 𝑒𝑥𝑝 <−6
𝑘+
𝛿 + 𝑘,@ 𝑡-A@ 𝐶"#(%&)(𝐼𝑁, 𝑡)

=
𝑑𝑡
𝑡%

 [Eq.D27] 

 

An initial condition can be defined: 

 

 𝐶!"($%)(𝐼𝑁, 𝑡)|>:3 = 0 [Eq.D28] 

 

Which assumes that no ferrates are present at the start of electrolysis (t=0), whereby all iron exists in lower 

oxidation state Fe2+. From this, an expression for the molar concentration of generated ferrate at any time 

(t) in the sampling reservoir is obtained: 

 

 𝑪𝑭𝒆(𝑽𝑰)(𝑰𝑵, 𝒕) = 𝑿(𝟏 − 𝐞𝐱𝐩(−𝒀𝒕))𝑪𝑭𝒆(𝑰𝑰),𝟎 [Eq.D29] 

 
Where, 

 

 𝑿 = 0
'#
(

$#
% )'&

12
1 − 𝑒𝑥𝑝 6−7𝑘*𝛿 + 𝑘+; 𝑡,<

1 + 𝑘+𝑡- − 𝑒𝑥𝑝 6−7
𝑘*
𝛿 + 𝑘+; 𝑡,<

= [Eq.D30] 

 𝒀 =
1 + 𝑘+𝑡- − 𝑒𝑥𝑝 6−7

𝑘*
𝛿 + 𝑘+; 𝑡,<

𝑡$
 [Eq.D31] 

 

The final expressions ([Eq.D29-31]) describes the generation of ferrate, as a function of the mass transport 

coefficient (km) and degradation coefficient (kd), which are functions of electrical current, temperature, 

reaction concentration, etc.  
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D.2 Aqueous Manganese (Mn2+) Oxidation Model 

 

Similar to the previously presented mathematical model describing the electrochemical generation of 

ferrate, the following model was developed to describe the electro-oxidation of Mn2+, to higher valence 

state cations, under idealised conditions and assumptions. The subsequent formation of insoluble 

manganese hydroxides, principally MnO2, is likely to occur due to thermodynamic stability in 

circumneutral conditions. The following model development will use generic terms for the dissolved 

manganese (Mn2+) and oxidised insoluble forms of manganese (Mn3,4,5+), as indicated by the subscripts 

“SOL” and “INS”, respectively.  

 

The basis and fundamental assumptions used to develop the model are the same to those used in the previous 

model. Again, the model is derived through a mole balance of: (i) the electrochemical reaction and, (ii) the 

anolyte vessel (see Figure 3.2). The model considers just the electrochemical reactor and more specifically 

the area of the reactor occupied by the electrode. Therefore, the moles of MnINS are accounted for by those 

entering (IN), exiting (OUT), generated at the electrode surface (GEN), consumed (by either reduction at 

the cathode, general instability or further oxidation to soluble Mn7+ species) (CONS), as well as the 

accumulation within the electro-active volume of the reactor (ACC), in accordance to [Eq.D1]. The IN, 

OUT, GEN, CONS and ACC terms from [Eq.D1] for this model are defined as follows: 

 

 𝐼𝑁 = 𝑄$ ∙ 𝐶%./(𝑥, 𝑡) [Eq.D32] 

 𝑂𝑈𝑇 = 𝑄$ ∙ 𝐶%./(𝑥 + ∆𝑥, 𝑡) [Eq.D33] 

 𝐺𝐸𝑁 = 𝑘* ∙ 𝐵 ∙ ∆𝑥 ∙ 𝐶/01 7𝑥 +
∆5
6
, 𝑡; [Eq.D34] 

 𝐶𝑂𝑁𝑆 = 𝑘+ ∙ 𝐵 ∙ 𝛿 ∙ ∆𝑥 ∙ 𝐶%./ 7𝑥 +
∆5
6
, 𝑡; [Eq.D35] 

 𝐴𝐶𝐶 = 0 [Eq.D36] 

 

Where QV, COX, km and kd represent the volumetric flow rate [m3 s-1], molar concentration [mole m-3], mass 

transport coefficient [m s-1] and degradation coefficient [s-1], which are assumed to be first-order kinetics. 

The above [Eq. S2-6] correspond to oxidised insoluble forms of manganese (Mn3,4,5+) species, such as 

MnO2, at an arbitrary cross section of the electrode, at a distance x from the inlet boundary (x=0) at some 

time t, at an arbitrary thickness Δx. Similar to before, [Eq.D32-36] are substituted into [Eq.D1], followed 

by the same derivation procedures used from [Eq.D7] to [Eq.D12], until new boundary conditions are 

defined: 
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 𝐶%./(𝑥, 𝑡)|5:3 = 𝐶%./(𝐼𝑁, 𝑡) [Eq.D37] 

 𝐶%./(𝑥, 𝑡)|5:1 = 𝐶%./(𝑂𝑈𝑇, 𝑡) [Eq.D38] 

 

With the new boundary conditions, the same derivation used for the ferrate generation model is used from 

[Eq.D15] to [Eq.D18], to yield an expression which describes the concentration of generated insoluble 

manganese species leaving the reaction at any time t: 

 

 𝐶%./(𝑂𝑈𝑇, 𝑡) =
'#
(

$#
% )'&

X1 − 𝑒𝑥𝑝 6−X
𝑘*
𝛿 + 𝑘+Y 𝑡,<Y 𝐶/01,3 + 𝑒𝑥𝑝 6− X

𝑘*
𝛿 + 𝑘+Y 𝑡,< 𝐶%./(𝐼𝑁, 𝑡) [Eq.D39] 

 

The same approach taken for the mole balance of the electrochemical reactor is then once again repeated 

for the anolyte vessel. Similar to [Eq.D19-23] for the ferrate generation model, the new anolyte conditions 

for the mole balance are as follows: 

 

 𝐼𝑁 = 𝑄$𝐶%./(𝑂𝑈𝑇, 𝑡) [Eq.D40] 

 𝑂𝑈𝑇 = 𝑄$𝐶%./(𝐼𝑁, 𝑡) [Eq.D41] 

 𝐺𝐸𝑁 = 0 [Eq.D42] 

 𝐶𝑂𝑁𝑆 = 𝑘+𝑉$𝐶%./(𝐼𝑁, 𝑡) [Eq.D43] 

 𝐴𝐶𝐶 = 𝑉$
+=*9:(%.,>)

+>
 [Eq.D44] 

 

On again, the safe steps are taken as those used in the previous model from [Eq.D24] to [Eq.D28], to yield 

the final expression for the molar concentration of generated insoluble manganese at any time (t) in the 

sampling reservoir is obtained: 

 

 𝑪𝑰𝑵𝑺(𝑰𝑵, 𝒕) = 𝑿(𝟏 − 𝐞𝐱𝐩(−𝒀𝒕))𝑪𝑺𝑶𝑳,𝟎 [Eq.D45] 

 

Where, 

 

 𝑿 = 0
'#
(

$#
% )'&

12
1 − 𝑒𝑥𝑝 6−7𝑘*𝛿 + 𝑘+; 𝑡,<

1 + 𝑘+𝑡- − 𝑒𝑥𝑝 6−7
𝑘*
𝛿 + 𝑘+; 𝑡,<

= [Eq.D46] 
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 𝒀 =
1 + 𝑘+𝑡- − 𝑒𝑥𝑝 6−7

𝑘*
𝛿 + 𝑘+; 𝑡,<

𝑡$
 [Eq.D47] 

 

The final expression ([Eq.D45-47]) relates the generation of insoluble manganese species with respect to 

the mass transport coefficient (km) and degradation coefficient (kd), which are functions of electrical current, 

temperature, reaction concentration, etc.  
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APPENDIX E: Raw Experimental Data 

 

 
E.1 Chapter 4: Oxidant Generation Data  

 

   
Figure E.1. Ferrate generation model fitted with experimental yielded data during 80 (left) and 40 (right) 

mA cm-2 electrolysis (pH = 7, [Fe2+]0 = 54 µM). 

 

 

 
Figure E.2. Insoluble manganese species generation model fitted with experimental yielded data during 

10 mA cm-2 (pH = 7, [Mn2+]0 = 182 µM). 
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E.2 Chapter 5: Target Pollutant Degradation Data 

 

 
Figure E.3. Simultaneous EO and ferrate oxidation of atrazine with initial Fe2+ = 18 µM (pH = 7, T = 

21.0 ± 0.8°C). 

 

 

 

        
Figure E.4. Potassium permanganate oxidation of atrazine (left) and corresponding second-order reaction 

linear plot (right) (Mn(VII)0 = 1.4 µM, Atz0 = 9.3 µM). 
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Figure E.5. Pseudo-first-order degradation of atrazine during simultaneous EO and permanganate 

oxidation during with Mn2+
0 = 55 µM (pH = 7, T = 21.0 ± 0.8°C). 

 

 

 
Figure E.6. Atrazine mineralisation during simultaneous EO and permanganate oxidation with Mn2+ = 55 

µM (pH = 7, T = 21.0 ± 0.8°C, DOC0 = 1.162 ± 0.082 mg L-1). 
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Figure E.7.  EO atrazine oxidation by-product identification and MS response during 80 mA cm-2 

electrolysis (Atz0 = 9.3 µM).  

 

 

 
Figure E.8.  EO atrazine oxidation by-product identification and MS response during 40 mA cm-2 

electrolysis (Atz0 = 9.3 µM). 
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Figure E.9. Atrazine by-product identification and MS response during simultaneous EO and ferrate 

oxidation with Fe2+
0 = 54 µM and 80 mA cm-2 (Atz0 = 9.3 µM).  

 

 

 
Figure E.10. Atrazine by-product identification and MS response during simultaneous EO and ferrate 

oxidation with Fe2+
0 = 18 µM and 80 mA cm-2 (Atz0 = 9.3 µM).  
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Figure E.11. Atrazine by-product identification and MS response during simultaneous EO and ferrate 

oxidation with Fe2+
0 = 54 µM and 40 mA cm-2 (Atz0 = 9.3 µM).  

 

 

 
Figure E.12. Atrazine by-product identification and MS response during simultaneous EO and ferrate 

oxidation with Fe2+
0 = 54 µM and 10 mA cm-2 (Atz0 = 9.3 µM).  
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Figure E.13. Atrazine by-product identification and MS response during simultaneous EO and 

permanganate oxidation with Mn2+
0 = 182 µM and 80 mA cm-2 (Atz0 = 9.3 µM).  

 

 

 
Figure E.14. Atrazine by-product identification and MS response during simultaneous EO and 

permanganate oxidation with Mn2+
0 = 55 µM and 80 mA cm-2 (Atz0 = 9.3 µM).  
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Figure E.15. Atrazine by-product identification and MS response during simultaneous EO and 

permanganate oxidation with Mn2+
0 = 182 µM and 40 mA cm-2 (Atz0 = 9.3 µM).  

 

 

 
Figure E.16. Atrazine by-product identification and MS response during simultaneous EO and 

permanganate oxidation with Mn2+
0 = 55 µM and 40 mA cm-2 (Atz0 = 9.3 µM).  
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Figure E.17. Simultaneous EO and permanganate oxidation of PFOS at 80 mA cm-2 (pH = 7, T = 21.0 ± 

0.8°C). 

 

 

E.3 Chapter 6: Synthetic Real Water Treatment Data 

 

 

 
Figure E.18. Pseudo-first-order degradation of atrazine during EO and simultaneous EO and ferrate 

oxidation, with resorcinol scavenger (Fe2+
0 = 54 µM, Atz0 = 0.9 µM, 80 mA cm-2). 
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Figure E.19. Electrochemically generated ferrate oxidation of atrazine (Fe(VI)0 = 8.1 µM). 

 

 

 
Figure E.20. Second-order linear plt of resorcinol degradtion by ferrate (Fe(VI)0 = 8.1 µM, ReOH0 = 9.1 

µM). 
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APPENDIX F: Process Design Considerations and Modelling 

 

 
F.1 Derivation of Process Design Equations 

 

The electrochemical reactor design was based on chemical reaction engineering principles, whereby the 

performance of the reactor could be predicted using the known feed, kinetics and operating conditions 

yielded during the bench-scale experiments. The design calculations, specifications and assumptions are 

outlined in this Appendix.  

 

The design equations were derived by first performing a mole balance of atrazine surrounding the 

electrochemical reactor. Some key terms include: 

 

• -rATZ: rate of degradation of atrazine 

• NATZ: number of moles of atrazine, at any time 

• FATZ: molar flow of atrazine 

• V: total reactor volume 

• 𝜈: volumetric flow rate 

 

The general mole balance will assume a constant reactor volume (V), and can be written as follows: 

 

 𝐼𝑁 − 𝑂𝑈𝑇 + 𝐺𝐸𝑁 − 𝐶𝑂𝑁𝑆 = 𝐴𝐶𝐶 [Eq.F1] 

 

Where, 

 

 𝐹HIJ,KL − 𝐹HIJ,MN> −p𝑟HIJ	𝑑𝑉
	

$
=
𝑑𝑁HIJ
𝑑𝑡  [Eq.F2] 

 

In [Eq.F2], a generation term was not included, as it is a fair assumption that atrazine is not being generated 

within the electrochemical reactor, only consumed (degraded). Because the system is assumed to behave 

as a plug flow reactor (PFR), all fluid elements are considered to spend the identical length of time inside 

the reactor and therefore no accumulation of atrazine within the reactor is occurring. In this case, the mole 
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balance can be completed on a difference element, where for steady state conditions the net molar flow is 

equal to the degradation due to the reaction, or: 

 

 𝑑𝐹HIJ = −𝑟HIJ𝑑𝑉    or     +!;<=
+$

= −𝑟HIJ [Eq.F3] 

 

While the above equation represents the performance equation, the design equation can be yielded by 

integrating the performance equation ([Eq.F3]): 

 

 𝑉 = p
1

−𝑟HIJ

!;<=,>?@

!;<=,AB
	𝑑𝐹HIJ [Eq.F4] 

 

For simple reactions, it can be convenient to express concentrations and rates in terms of conversions (XATZ) 

of a key reactant (i.e., atrazine). For the purposes of this design, we will consider the degradation of atrazine 

to be a simple reaction (A→B), therefore for a continuous reactor like a PFR, conversion is defined as 

follows: 

 

 𝑋2)3 =
𝐹2)3,1 − 𝐹2)3,567

𝐹2)3,!8
 [Eq.F5] 

 

By substituting these relationships into the design equation ([Eq.F4]), a modified design equation is 

yielded: 

 

 𝑉 = 𝐹HIJ,KLp
1
𝑟HIJ

<;<=

3
	𝑑𝑋HIJ [Eq.F6] 

 

For first-order, irreversible reactions with a constant reactor volume (V) or volumetric flow rate (𝜈), the 

atrazine reaction rate is defined as follows: 

 

 −𝑟2)3 = 𝑘′𝐶2)3 [Eq.F7] 

 

Where CATZ is the molar concentration of atrazine. Because atrazine degradation was observed to follow 

pseudo-first-order reaction kinetics during laboratory experiments, the above ([Eq.F7]) can be substituted 

into the into the modified design equation ([Eq.F6]) and integrated, to yield: 
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 𝑉 =
𝜈
𝑘$
𝑙𝑛 J

1
1 − 𝑋2)3

L [Eq.F8] 

 

 

F.2 Ferrate Generation Model Results 

 

The oxidant generation model developed and presented in Chapter 4 and Appendix D was used to yield 

predicted ferrate concentrations using the scaled-up POE reactor design. Based on the model results, the 

final ferrate concentrations which would be expected for each POE reactor volume and an initial Fe2+
0 = 54 

μM, dictated by the size of the household, is presented in Table F.1. 

 

Table F.1. Reactor design parameters of an EO system for the treatment of atrazine (δ = 5 mm). 

Household 
(people) 

Water Usage, 
(L day-1) 

Total Volume 
(m3) 

Fe(VI) 
(μM) 

k’ 
(min-1) 

2 322 .025 34.59 0.44 

3 483 .037 34.74 0.44 

4 644 .050 34.81 0.44 

5 805 .062 34.85 0.44 
 

 

 

 

 


