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Abstract 

 

Electrochemical Advanced Oxidation Processes for Distributed Water Treatment 
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University of California, Berkeley 

 

Professor David L. Sedlak, Chair 

 

 

 

Distributed water treatment has emerged as an alternative to centralized water 

systems as a means of providing drinking water in locations where population density is 

too low to support the distribution networks needed to move treated water to places 

where it will be used. By exploitation of non-traditional water sources, distributed water 

treatment also has the potential to address the problem of water scarcity. Electrochemical 

advanced oxidation processes are promising techniques for distributed water treatment 

because of their small footprint, flexible operation and ability to remove contaminants 

without any chemical input. However, their adaptation has been hampered by challenges 

including the high cost of electrodes, slow mass transport of contaminants, high energy 

consumption, and difficulties in scaling up treatment processes. This research attempts to 

develop new electrochemical advanced oxidation processes for distributed water 

treatment by providing both a mechanistic understanding of the chemical reactions taking 

place and a better understanding of practical engineering considerations needed to deploy 

the technologies. 

Urban stormwater is one of the non-traditional water sources that is attractive to 

water-stressed cities because it is available in large quantities and does not require large 

investments in conveyance systems. To provide a means of removing chemical 

contaminants in distributed water systems, an electrochemical advanced oxidation 

process that is compatible with high-capacity stormwater recharge systems (e.g., 

drywells) was developed. The treatment system consisted of an electrochemical module 

for H2O2 production and an ultraviolent (UV) reactor for converting hydrogen peroxide 

(H2O2) into hydroxyl radical (●OH). To minimize the energy consumption and system 

footprint, production of a concentrated H2O2 stock solution prior to the storm event was 

evaluated. The H2O2 generation was optimized in terms of its energy efficiency and 

oxidant production rate. The solution pH was identified as the main factor affecting the 

H2O2 stability, with basic conditions leading to greater loss through dismutation. Using 

this information, the stability was enhanced by mixing the basic H2O2-containing 

catholyte with the acidic anolyte. The proposed advanced oxidation process demonstrated 

effective removal of trace organic contaminants in full-scale stormwater treatment 

system. However, the energy efficiency was limited by the inefficient UV light 
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utilization, due to light reflection and backscattering at the water-air interface in the UV 

reactor as well as competition for UV light absorption with H2O2.  

In response to the inefficient light utilization by the UV/H2O2 process, an 

alternative approach for converting H2O2 to ●OH was developed. In Chapter 3, the 

reaction mechanism and reactive oxidant yields produced by activation of H2O2 on an 

inexpensive stainless-steel electrode was investigated. The stainless-steel electrode was 

investigated at different pH values and applied potentials using probe compounds to 

differentiate the production of different reactive oxidants (●OH versus Fe[IV]) from H2O2 

activation. The stainless-steel electrode demonstrated high yields for converting H2O2 

into ●OH at circumneutral pH conditions. In the presence of H2O2 concentrations 

comparable to those that might be generated by electrochemical reduction of O2, the 

stainless-steel electrode removed trace organic contaminants from an authentic water 

sample. However, loss of ●OH on or near the electrode surface decreased the utilization 

efficiency of ●OH.  

Finally, a reagent-free dual-cathode treatment process was evaluated. The system 

coupled the air-diffusion electrode with the stainless-steel electrode. The performance of 

the system was optimized separately for H2O2 generation and H2O2 activation. The 

optimal potential for H2O2 production on the air-diffusion electrode was identified as       

-0.04 V and the optimal potential for trace organic contaminant transformation on the 

stainless-steel electrode was identified as +0.02 V. The different optimal potential for 

each process suggests that the treatment could overcome the imbalance between H2O2 

generation and H2O2 activation encountered in previously described composite 

electrodes. In tests of the combined electrochemical treatment system, the dual-cathode 

treatment process oxidized uncharged compounds (e.g., atrazine) but was unable to 

oxidize negatively charged benzoate. The efficiency of the system was also much less 

susceptible to competition for oxidants from negatively charged macromolecules (e.g., 

humic substances). These findings suggest that electrostatic repulsion minimizes the 

scavenging effect of negatively charged oxidant scavengers. The dual-cathode treatment 

system consumed about 10 kWh/m3, which is comparable to that of anodic oxidation and 

point-of-use UV/H2O2 process.  

Collectively, results of the experiments described in this dissertation indicate that 

electrochemical advanced oxidation processes hold promise as distributed drinking water 

treatment systems. The air-diffusion electrode can produce concentrated H2O2 stock 

solutions in an off-line reactor or lower levels of H2O2 can be produced in situ. Two H2O2 

activation techniques, UV light and a stainless-steel electrode, converted H2O2 into 

reactive oxidant species that are capable of removing trace organic contaminants. 

Additional research is needed to scale up the lab scale systems, understand long-term 

performance of the electrodes, and develop strategies for treatment automation. 
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CHAPTER 1.  Introduction 
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1.1 Distributed water treatment as a solution for the global water challenges 

Globally, nearly 2.2 billion people still lack access to safely managed water 

services, with the majority of these populations located in low-income countries and rural 

areas where the centralized water infrastructure is often infeasible (Unicef 2017). This 

lack of safely managed water is estimated to cause 1.2 million deaths and accounts for 

2.2% of global deaths (Ritchie and Roser 2021). The social and environmental injustice 

associated with this situation has motovated efforts to development more effective 

approaches for providing safe drinking water in these locations. 

Despite the significant improvement in public health associated with the extensive 

network of centralized water system that have been built in middle- and high-income 

countries, much of the world’s water infrastructures has outlived its design lifetime and 

requires major investments in maintenance or replacement to ensure water quality 

(Hering et al. 2013). For example, in United States, 6 billion gallons of clean, safe 

drinking water are lost every day throughly leaky pipes and nearly 240 thousand water 

main breaks every year (American Society of Civil Engineers 2021). 

In addition, climate change, urbanization, and chemical contaminants are posing 

new challenges for exisiting centralized water infrastructure (National Academies of 

Sciences, Engineering, and Medicine 2019). For example, climate change is expected to 

intensify regional contrasts in precipitation that already exist, which will further 

exacebate water scarcity in dry areas such as southwestern United States (Masson-

Delmotte et al. 2021). Furthermore, continued population growth in urban areas will 

further compound the current water challenges. By 2050, 2 billion more people will live 

in urban areas but majority of them will be in low-income countries that contain large 

informal settlements (World Bank Group 2017). With many cities unable to provide 

adaquate water and sanitation for these areas, residents will face significant risks of 

water-borne diseases, such as diarrhoea, cholera, and typhoid (Ezeh et al. 2017). Finally, 

the widely presence of trace organic contaminants such as pesticides, industrial 

chemicals, and detergent metabolites are challenging for the conventional water systems 

as many of these organic contaminants are not removed during water treatment (Luo et 

al. 2014). 

To create drinking water systems that are more equitable, affordable and resilient, 

researchers have proposed the development and deployment of distributed water 

treatment that rely on non-traditional water sources (Larsen et al. 2016). Non-traditional 

water sources (i.e., stormwater, roof water, municipal wastewater and groundwater from 

shallow aquifers), after proper treatment, can be used to agument drinking water supplies. 

It also can be used for industrial and agricultural purposes. Because of the dispersed 

nature of these water sources, distributed treatment systems have significant advantages 

over conventional centralized systems. Advantages of distributed systems include 

flexibility (i.e., they can be installed quickly and tailored to meet the needs of a wide 

range of users) and their ability to functions without extensive water distribution 

infrastrcuture (Leigh and Lee 2019). As a result, distributed water treatment has the 

potential to reduce energy consumption and lower the cost of infrastructure replacement 

and construction (Hering et al. 2013). 
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Figure 1.1 Distributed treatment systems have strong potential to address the water 

challenges associated with climate change, chemical contaminants, and uneven 

urbanization. 

1.2 Treatment technologies for distributed water treatment  

Due to economies of scale in manufacturing and their ease of operation, 

household reverse osmosis (RO) and water filters equipped with sorbents are among the 

most common distributed water treatment systems installed at household scale, especially 

when the water source is relatively clean (e.g., tap water or groundwater that contains 

unsafe levels of contaminants). Despite their relatively low costs, household RO systems 

are often limited by low water recovery (~50%) and challenges associated with 

concentrate management (Peter-Varbanets et al. 2009). Sorbents (e.g., activated carbon) 

produce waste that can be challenging to manage in distributed treatment systems (Baskar 

et al. 2022, Kah et al. 2021, Trellu et al. 2018). In addition, sorbents also tend to be less 

effective in the removal of polar, low molecular weight contaminants (e.g., 1,4-dioxane, 

1,2,3-trichloropropane) that frequently contaminate water supplies (McElroy et al. 2019, 

U.S. Environmental Protection Agency 2017). Finally, the operation of those point-of-use 

water treatment often fail because customers usually do not replace their filter cartridge at 

the frequency suggested by manufacturers (Wu et al. 2021a). 

As an alternative to household RO and sorbents, advanced oxidation processes 

may be more suitable because they can avoid some of the challenges associated with the 

waste management and frequent maintenance of system components. 

1.2.1 Ultraviolet (UV)/H2O2 

The UV/H2O2 process is the most popular advanced oxidation process for water 

recycling, groundwater remediation and industrial wastewater treatment because it does 

not produce toxic byproducts or otherwise diminish water quality (von Gunten 2018). 

Uneven Urbanization

Chemical 

Contaminants
Climate Change

Distributed

Treatment
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                                              H2O2
UV
→ 2 •OH                                                 (1.1) 

The ●OH produced in eq 1.1 reacts with most organic contaminants at near 

diffusion-controlled rates. These reactions typically result in oxidation of contaminants to 

products that are more susceptible to microbial oxidation or other oxidation processes 

such as by dissolved oxygen or naturally occurring minerals (Cuerda-Correa et al. 2020, 

Nidheesh et al. 2022). 

Despite their simplicity and efficacy, commercially available UV/H2O2 systems 

are often difficult to employ in distributed water treatment systems because submerged 

UV lamps are prone to fouling and require frequent cleaning and maintenance (Fast et al. 

2017). Recently, a low-cost UV reactor was developed for drinking water disinfection in 

resource limited communities (Gadgil 2008). By suspending the UV lamp above water, 

this type of UV reactor avoids fouling of the surface. However, this improvement is 

accompanied by a tradeoff; due to reflection and light scattering, much of the UV light 

never makes it into the water. 

In addition to the fouling on the UV lamps, the UV/H2O2 process also exhibits 

other drawbacks associated with the low molar absorption coefficient of H2O2 at 254 nm. 

For a typical drinking water source containing about 5 mg-C/L of natural organic matter, 

more than 95% of the UV light will be absorbed by natural organic matter (Duan and 

Sedlak 2021). As a result, high fluence and high concentrations of H2O2 are often 

applied, resulting in high energy consumption and waste of H2O2 (e.g., only ~10% of the 

H2O2 applied is consumed) (Chuang et al. 2017, Zhang et al. 2019). 

1.2.2 Anodic processes for contaminants oxidation 

Electrochemical anodic oxidation has been studied extensively for removal of 

trace organic contaminants because of their potential advantages over established water 

treatment technologies, including: (1) the ability to treat multiple classes of contaminants; 

(2) in-situ production of chemicals; and (3) modular cell configurations (Barazesh et al. 

2015, Barazesh et al. 2016, Radjenovic and Sedlak 2015). Inactive electrodes (e.g., 

boron-doped diamond, SnO2, PbO2, and sub-stoichiometric titanium-oxide) are often 

used because of their high production of ●OH. These electrodes usually have a high 

overpotential for O2 evolution (e.g., EH > +2.0 V vs SHE), which enables the partial 

oxidation of water to form ●OH prior to the recombination of O atom to produce O2 (eq 

1.2). The ●OH is produced at the electrode surface and could either react with 

contaminants at the surface or diffuse into solution (Xie et al. 2022).  

                                               H2O →  
•OH + H+ + 𝑒−                                  (1.2)             

Due to the diffusion distance of ●OH is limited to about 1 μm (Kapałka et al. 

2009), diffusive transport of contaminant through the boundary at the electrode surface is 

often the rate-limiting step for contaminant removal, especially when plate electrode 

reactors are operated in a flow-by mode (Figure 1.2A), which often results in the 

formation of a thick diffusional boundary layer (e,g, ~100 μm) (Chaplin 2019, 

Radjenovic and Sedlak 2015). As an alternative, porous three-dimensional electrodes in 

flow-through mode (Figure 1.2B) can overcome the mass-transfer limitation as the 

convective transport of water through the small pores of the electrode decreases the 
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diffusional boundary layer thickness. However, fabrication of porous three-dimensional 

electrodes is limited by their fabrication processes (e.g., boron-doped diamond electrodes 

are typically synthesized using chemical vapor deposition methods). 

 

 
Figure 1.2 Electrochemical reactor operation in (a) flow-by mode operation and (b) flow-

through mode operation. Adapted from (Chaplin 2019). 

Although the high overpotential increases the activity of the electrode and is also 

conducive to other contaminant transformation pathway (i.e., direct electron transfer) 

(Chaplin 2014), it results in high energy consumption. For example, boron-doped 

diamond electrodes consume about 50 kWh of electricity to achieve 90% removal of 

organic contaminants (e.g., p-chlorobenzoic acid) from 1 m3 of water, which is over an 

order of magnitude higher than the energy consumed by seawater desalination (Miklos et 

al. 2018). In addition to the high energy consumption, the capital cost of the electrodes 

also limits their application. For example, boron-doped diamond electrodes costs over 

$7000 per m2 (Chaplin 2019). Although other materials (e.g., SnO2) may have lower cost 

than the boron-doped diamond electrode, their performance is often limited by their short 

service lives (Chaplin 2014). Finally, the formation of toxic organic and inorganic 

products from the electrochemical oxidation process poses additional concerns. For 

example, the formation of ClO3
─ and ClO4

─ has been observed in the presence of halide 

ions at concentrations comparable to those expected in drinking water sources (Azizi et 

al. 2011, Bergmann and Rollin 2007). Therefore, successful implementation of the anodic 

processes for distributed water treatment requires strategies to lower the energy 

consumption and fabrication cost as well as to minimize the formation of toxic 

byproducts. 

1.2.3 Reduction of H2O2 for ●OH production 

As an alternative to producing ●OH by using electrodes to oxidize water, H2O2 

can be reduced by a one-electron process that forms ●OH. 
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                                                      H2O2 + 𝑒
− → OH− +  •OH                                  (1.3)   

The one-electron reduction of H2O2 is the basis for using Fenton’s reagent (eq 

1.3) to treat water that contains high concentrations of organic compounds, such as 

agricultural and food processing waste, industrial wastewaters, and landfill leachates. 

                               Fe2+ + H2O2 → Fe
3+ + OH− +  •OH                             (1.4) 

The Fenton reaction offers several advantages over other advanced oxidation 

processes as it does not require an external energy input (e.g., UV lamps) and ●OH 

production occurs in the bulk aqueous phase where it is not affected by the high 

concentrations of suspended solids and surface-active organic contaminants (Pignatello et 

al. 2006). However, the Fenton reaction only produces a high yield of ●OH over a 

relatively narrow pH range (i.e., pH 2-4) due to a shift in the reaction mechanism that 

occurs as Fe(II) hydrolyzes (Bossmann et al. 1998, Hug and Leupin 2003, Jacobsen et al. 

1998, Keenan and Sedlak 2008). The narrow pH range limits its application for drinking 

water treatment or requires expensive acidification and neutralization steps. 

Heterogeneous Fenton catalysts (e.g., Fe(III)-oxides) have been used to convert 

H2O2 to ●OH at circumneutral pH conditions. However, the stoichiometric yield for 

production of oxidants that are capable of transforming contaminants is typically very 

low (i.e., < 5%) (Chou et al. 2001, Huang et al. 2001, Huling et al. 1998, Kanel et al. 

2004, Lee and Sedlak 2009, Seo et al. 2015, Valentine and Wang 1998, Xue et al. 2009). 

In these systems, the majority of H2O2 is transformed through a non-radical mechanism 

that converts H2O2 directly to O2 and H2O (Kwan and Voelker 2002, Petigara et al. 2002, 

Vafaei Molamahmood et al. 2022). 

Custom-made electrodes composed of carbonaceous materials and metals (Hu et 

al. 2021, Peng et al. 2015, Zeng et al. 2020, Zhao et al. 2016, Zhao et al. 2012) have been 

proposed as alternatives to heterogeneous catalysts for producing ●OH from H2O2. 

However, many of these electrodes are fabricated as flat plate reactors that are operated 

in the flow-by mode and the contaminant transformation is limited by mass transfer of 

contaminant to the electrode surface (Figure 1.2A). 

Recently, a low-cost stainless-steel electrode has been investigated as a means of 

converting H2O2 to ●OH for contaminant oxidation in RO permeate (Weng et al. 2020). 

The porous structure of the stainless-steel electrode has a strong potential to improve the 

treatment performance when operating in a flow-through mode (Figure 1.2B), where 

convective transport of water can significantly decrease the boundary layer thickness 

(Chaplin 2019). The high specific surface area of the stainless-steel electrode offers 

additional advantage to develop compact treatment technologies for distributed treatment 

system. 

1.3 Electrochemical generation of chemical reagents for distributed water 

treatment 

The use of electricity to produce chemical reagents employed in water treatment 

has strong potential to enable distributed water treatment because the delivery of 

chemicals (e.g., acids, bases, oxidants, and disinfectants) needed for treatment of drinking 
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water and the provision of sanitation is a major challenge, especially for distributed 

systems. In addition, from a life cycle analysis perspective, chemical reagents contribute 

a significant fraction of the total operational cost and greenhouse gas emissions 

associated with water treatment processes (Mousset et al. 2021). 

Recent developments in air-diffusion electrodes have enabled in-situ generation 

of H2O2 (Figure 1.3). The air-diffusion electrode can reduce the complexity of device by 

eliminating the need to bubble air or pure oxygen into a solution (Barazesh et al. 2015). 

Additionally, by relying on the O2 that diffuses into the electrode from the atmosphere, 

the air-diffusion electrodes overcomes the slow mass transport of dissolved O2, which 

often limits the H2O2 generation in systems relying on submerged electrodes.(Valim et al. 

2013, Zhang et al. 2020b) Finally, a high Faraday efficiency (> 90%) has been achieved 

in a previous study that used carbon black as the catalyst (Barazesh et al. 2015). 

 
Figure 1.3 Schematic of an electrochemical reactor that contains an air-diffusion 

electrode as the working electrode for H2O2 production. 

Despite the potential for deployment of the air-diffusion electrode to generate 

H2O2 for point-of-use UV/H2O2 processes, its application for distributed water systems at 

a larger scale still merits further investigation. For example, distributed stormwater 

treatment often requires treatment capacity of hundreds of liters per minute for 

applications such as the treatment of stormwater runoff as it flows into drywells. Scaling 

up the UV/H2O2 prototype by simply increasing the electrode area would require several 

square meters of the electrodes to generate sufficient concentrations of H2O2. 

Additionally, because of the low conductivity of stormwater runoff, scaling up the reactor 

by applying a high current density significantly increases the energy consumption due to 
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the ohmic loss in the solution. Therefore, better strategies for H2O2 production are needed 

to for the large-scale distributed water treatment. 

In addition to challenges associated with scaling up laboratory-scale treatment 

systems, precise control of the rate of H2O2 production may pose additional challenge for 

distributed water treatment. For example, insufficient H2O2 production could decrease the 

treatment performance (Wang et al. 2021). Excess amount of H2O2 could results in 

inefficient use of energy and may requires additional post-treatment to remove the 

residual H2O2 (Watts et al. 2012). Thus, research that improves our understanding of 

reaction mechanisms and processes affecting system performance are critical to future 

deployment of small-scale electrochemical water treatment systems.  

1.4 Dissertation Outline 

The rest of dissertation is organized into the following chapters.  

Chapter 2 focuses on developing and assessing the feasibility of an 

electrochemical advanced oxidation process for distributed treatment of stormwater prior 

to its infiltration into drinking water aquifers. The proposed treatment system consisted of 

an electrochemical module for H2O2 production and a UV reactor that is resistant to 

fouling (Figure 1.4). The performance of the H2O2 production system was evaluated 

under different current densities and electrolyte compositions in terms of H2O2 

production rate, Faraday efficiency as well as maximum H2O2 concentration that can be 

generated and stored. Finally, the performance of the electrochemical advanced oxidation 

process was assessed in lab scale and modeled in full scale (i.e., 400 L/min) to assess its 

technical and economic feasibility. 

 
Figure 1.4 Schematic of the proposed stormwater treatment system combining an 

electrochemical reactor for H2O2 production and a UV reactor for H2O2 activation. 

Chapter 3 focuses on the performance of a stainless-steel electrode that activates 

H2O2 to produce reactive oxidant species. The rate of H2O2 activation on the stainless-

steel electrode was evaluated under different solution pH and applied potentials. The 
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reactive oxidant species (e.g., Fe[IV] or ●OH) were identified and their yields were 

quantified by adding different probe compounds that are known to react preferentially 

with different oxidants. Metal leaching from stainless-steel electrode was assessed under 

different operating conditions. Chemical thermodynamics and surface characterization 

techniques were used to gain insight into the mechanisms of metal leaching. Because the 

electrode surface may act as a scavenger for the reactive oxidant species, the scavenging 

capacity of the surface were assessed using competition kinetics. Finally, possible 

reaction mechanisms for producing the reactive oxidant species on the electrode surface 

were proposed. 

Chapter 4 focuses on the performance of a reagent-free electrochemical treatment 

process consisted of the air-diffusion electrode and the stainless-steel electrode. The 

reactor configuration of the air-diffusion electrode was varied to minimize H2O2 loss and 

maintain circumneutral pH condition (H2O2 activation on stainless-steel electrode is most 

effective at circumneutral pH) during H2O2 production. The H2O2 production process and 

H2O2 activation process were optimized separately in terms of applied potentials. The 

mass transport of contaminants was assessed by operating under different recirculation 

rates. The potential benefit of repulsion of negatively charged compounds capable of 

reacting with ●OH by the cathode surface was investigated in the presence of compounds 

with different charges that are known to react with ●OH in the bulk solution. Finally, the 

removal of trace organic contaminants was tested in an authentic surface water sample 

and energy consumption was compared with other technologies for distributed water 

treatment. 

Chapter 5 concludes this dissertation by summarizing the key findings from each 

chapter. This chapter also outlines future research to adapt electrochemical advanced 

oxidation for distributed water treatment. 
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CHAPTER 2.  An Electrochemical Advanced Oxidation 

Process for the Treatment of Urban Stormwater 
 

Reproduced with permission from Duan, Y., Sedlak, D. L., An Electrochemical 

Advanced Oxidation Process for the Treatment of Urban Stormwater. Water Research X 

2021, 13, 100127. 

 

© 2021 Elsevier 
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2.1 Introduction 

Climate change and rapid population growth are exacerbating water scarcity in 

cities around the world (Flörke et al. 2018). The capture and use of urban stormwater are 

attractive to water-stressed cities because this underutilized water source is available in 

large quantities and does not require large investments in environmentally damaging, 

long-distance conveyance systems. Due to limited opportunities for water storage within 

cities, captured urban runoff might best be used for aquifer recharge in cities that rely 

upon groundwater (Luthy et al. 2019). However, stormwater contains contaminants 

including pesticides, compounds released by vehicles and waterborne pathogens, all of 

which can pose risks to drinking water supplies (Grebel et al. 2013, Rippy et al. 2017, 

Spahr et al. 2020). Rather than relying upon natural attenuation or treatment after 

extraction to remove trace organic contaminants, some form of treatment may be 

appropriate prior to recharge (Zhang et al. 2020a). 

Researchers have studied the use of engineered geomedia, such as manganese 

oxide-coated sands (Charbonnet et al. 2020, Grebel et al. 2016), woodchips (Ashoori et 

al. 2019), functionalized clays (Ray et al. 2019) and biochar (Ashoori et al. 2019, Boehm 

et al. 2020, Ulrich et al. 2015) as a passive means of stormwater treatment. However, 

such treatment systems are often limited by the low hydraulic conductivities of geomedia 

or underlying soils and sediments (Barnes et al. 2014, Minnesota Stormwater Steering 

Committee 2005, Ray et al. 2019). Infiltration rates are also limited by the need to 

achieve adequate contact times between the engineered geomedia and the contaminants 

(Grebel et al. 2016, Shimabuku et al. 2016). In addition, geomedia eventually will clog or 

be exhausted, which necessitates replacement or regeneration to assure continued 

operation (Charbonnet et al. 2018, 2021). As a result, infiltration-based techniques that 

employ geomedia are often unable to treat large volumes of stormwater in urban areas.  

In locations where surface infiltration is impractical, drywells offer an attractive 

alternative due to their high infiltration rates and small footprints (Edwards et al. 2016). 

For reference, to achieve a recharge rate of 400 L/min, a value typical of drywells, an 

area of 1.5 m2 and 1200 m2 would be required for drywells and rain gardens (maximum 

infiltration rate = 2 cm h-1), respectively (Hunt et al. 2010, Prince George’s County 1999, 

Torrent Resources). However, it has been difficult to incorporate treatment systems 

capable of removing trace organic compounds and viruses into drywells because high 

flow rates during storms often preclude the use of geomedia. As a result, the use of 

drywells for urban stormwater infiltration without any form of treatment has 

contaminated groundwater with volatile organic compounds, benzene, and petroleum 

hydrocarbons (City of Portland Bureau of Environmental Services 2008, Jurgens et al. 

2008, Lindemann 1999).  

Advanced oxidation processes (AOPs) such as UV/H2O2 have been used for over 

40 years to oxidize organic contaminants in hazardous waste, drinking water and 

contaminated groundwater by taking advantage of the high reactivity and low selectivity 

of hydroxyl radical (●OH) (Koubek 1977). Furthermore, the process also controls 

waterborne pathogens because the fluence of ultraviolet (UV) light used in the process is 

typically about ten times higher than values used to disinfect drinking water (Sun et al. 

2016). Despite its potential applicability, only a few attempts (Bettman 2020, Zheng et al. 

2021) have been made to employ AOPs in stormwater treatment systems due to the cost 
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and challenges associated with system maintenance and reagent replenishment, especially 

when infiltration structures are distributed around a city. 

Electrochemical advanced oxidation processes (EAOPs) are promising options for 

decentralized system because of their modular design, high efficiency, and ease of 

automation (Feng et al. 2018, Kanakaraju et al. 2018, Miklos et al. 2018, Moreira et al. 

2017, Nidheesh et al. 2018, Yang 2020, Yang and Hoffmann 2016). To overcome the 

difficulties associated with using AOPs for distributed water treatment, we employed an 

inexpensive, compact system that generates H2O2 by electrochemical reduction of O2 (eq 

2.1) with an air-diffusion cathode that uses only electricity and passive diffusion of air.  

                            O2 + 2𝑒
− + 2H+ → H2O2    𝐸𝐻

° = +0.70 V                       (2.1) 

The H2O2 is then converted to ●OH by exposure to UV light (eq 2.2) in a low-cost 

reactor that was originally developed for drinking water disinfection in resource limited 

communities (Gadgil 2008). 

                                              H2O2
  UV  
→  2 ∙ OH                                              (2.2) 

To employ this approach in a drywell or another type of stormwater infiltration 

system, a sufficient quantity of H2O2 must be generated using inexpensive equipment that 

can fit into a small area. To accomplish this objective, we formed H2O2 generation and 

storage strategies to produce a H2O2 stock solution prior to the storm event (potentially 

with stormwater captured previously) and then metered the H2O2 stock solution into 

stormwater prior to exposing it to UV light. Using a kinetic model of H2O2 activation and 

contaminant transformation, we assessed the feasibility of employing UV/H2O2 to treat 

urban stormwater under conditions typically encountered in drywells. Finally, by 

systematic optimization of each process, we demonstrated EAOP is feasible for 

distributed stormwater treatment. 

2.2 Materials and Methods 

2.2.1 Materials 

All experiments were performed at room temperature (23 ± 2 °C) with chemicals 

of reagent grade or higher (Sigma-Aldrich, St. Louis, MO). Suwannee River natural 

organic matter (reverse osmosis isolate) was obtained from the International Humic 

Substances Society (St. Paul, MN). Ultrapure water from a Milli-Q system (R > 18 MΩ) 

was used for all experiments except when specifically noted.  

Simulated stormwater was made in the manner described by Grebel et al. (2016). 

The composition of the water (Table 2.1) was chosen to represent the main solutes in 

urban runoff. In a previous study, this matrix exhibited similar performance to that 

observed in authentic stormwater (Grebel et al. 2016). In AOP experiments (Section 2.5), 

a synthetic humic acid sodium salt (Sigma-Aldrich, St. Louis, MO) and deionized water 

(Culligan, Rosemont, IL) were used rather than Suwanee River natural organic matter 

and Milli-Q water because of the high cost of preparing the large volumes of water to run 

the experiments (i.e., about 9 L of synthetic stormwater was needed to assess each 

configuration of the treatment system). All solutions containing organic carbon (i.e., 
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humic acid or natural organic matter) were prepared from a concentrated organic carbon 

stock solution (typically around 100 mg of chemicals/L), which was filtered through 

0.45-μm glass fiber filters (Tisch Scientific, Cleves, OH) prior to use. 

Table 2.1 Simulated stormwater matrix composition. Suwannee River natural organic 

matter (concentration: 10 mg-C/L) or Sigma humic acid (concentration: 0-5 mg-C/L) was 

also added to the simulated stormwater matrix in some experiments to examine the effect 

of dissolved organic carbon on reaction efficiency. 

Constituent Concentration Unit 

Ca2+ 0.75 mM 

Mg2+
 0.075 mM 

Na+ 1.75 mM 

NH4
+ 0.072 mM 

SO4
2− 0.33 mM 

HCO3
− 1.00 mM 

Cl− 1.70 mM 

NO3
− 0.072 mM 

H2PO4
− 0.016 mM 

Ionic strength 4.60 mM 

pH 
7.46 ± 0.20 

6.84 ± 0.30 

(Natural organic matter amended) 

(Humic acid amended) 

2.2.2 Electrochemical cell and UV reactor 

Electrolysis experiments were performed in a two-chambered parallel plate 

electrochemical cell modified from the device described by Barazesh et al. (2015). 

Briefly, the electrochemical cell was made of acrylic plastic (McMaster-Carr, Los 

Angeles, CA) and equipped with a Pt-coated Ti mesh anode (dimensions: 5.1 × 7.6 cm; 

TWL, USA) and a home-made air-diffusion cathode (dimensions: 4.0 × 4.0 cm) as 

described by Barazesh et al. (2015). Graphite powder (200 mesh, Alfa Aesar, Ward Hill, 

MA) and PTFE were coated on the air-facing side of the cathode. Carbon black (Cabot 

Black Pearls 2000, Cabot, Boston, MA) and PFTE were coated on the liquid-facing side 

with propanol as solvent. The cathodic chamber and anodic chamber were separated by a 

cation exchange membrane (Ultrex CMI-7000, Membranes International Inc., Ringwood, 

NJ). The thickness of each chamber was 1.7 cm. The divided electrochemical cell was 

chosen to avoid anodic oxidation of H2O2, which could limit the generation of high 

concentration H2O2 solutions and lower the Faraday efficiency of the generation process 

(Abdullah and Xing 2017, Ma et al. 2019, Panizza and Cerisola 2008, Pérez et al. 2017). 

After H2O2 was generated in the electrochemical cell, the H2O2-containing 

catholyte was mixed with the anolyte to form a H2O2 stock solution. The H2O2 stock 

solution was then diluted into simulated stormwater and passed through a UV reactor. 

The UV reactor used in this study was described by Gadgil and Garud (1998)  . Briefly, 

the reactor had a volume of 5.5 L and included a 60-watt low-pressure UV lamp (Philips, 
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Andover, MA) mounted under an aluminum reflector. The UV lamp was situated 

approximately 6 cm above the surface of the flowing water. 

2.2.3 H2O2 generation and energy consumption 

Batch experiments to assess H2O2 generation were conducted in Na2SO4 

electrolyte or in simulated stormwater amended with Na2SO4. Equal volumes of solution 

were circulated in the two-cell chambers at a flow rate of 30 mL/min with a peristaltic 

pump (Masterflex, Vernon Hills, IL). Electrolysis experiments were performed at fixed 

currents controlled by a direct current power supply (B&K Precision, Yorba Linda, CA). 

The air-diffusion cathode was tested under different current densities (200 to 1200 A/m2) 

and replaced if any leaks were detected or a low initial Faraday efficiency (i.e., below 

around 70%) was measured. Despite the decreased performance of the electrode over 

time, the electrode performance was relatively stable for several runs of operation (at 

least tens of hours). All H2O2 generation experiments were conducted at least in triplicate 

(n = 3-6). 

The applied charge density (𝜌q, C/L) was calculated based on the current density 

(𝑖, A/m2), electrode area (𝐴,m2), electrolysis time (𝑡, s), and catholyte volume (Vca, L): 

                                                      𝜌𝑞 = ∫
𝑖×𝐴

𝑉𝑐𝑎
𝑑𝑡

𝑡

0
=
𝑖𝐴𝑡

𝑉𝑐𝑎
                                                          (2.3) 

The energy consumed during H2O2 generation was calculated based on the 

measured H2O2 concentration ([H2O2], M), catholyte volume (Vca, L), electrolysis time 

(𝑡, s), current density (𝑖, A/m2), and cell voltage (Vcell, V): 

                          𝐸𝑛𝑒𝑟𝑔𝑦 (
𝑘𝑊ℎ

𝑚𝑔 H2O2
) =  

∫ 𝑖𝑉𝑐𝑒𝑙𝑙𝐴
𝑡
0 𝑑𝑡

[H2O2]𝑉𝑐𝑎

1 𝑚𝑜𝑙 H2O2

34000 𝑚𝑔 H2O2

1 𝑘𝑊ℎ

3.6×106 𝐽
                   (2.4) 

2.2.4 H2O2 stability 

The stability of the H2O2 stock solution was assessed before and after mixing the 

catholyte with the anolyte. The H2O2 was generated under 800 A/m2 of applied current 

density in batch mode with Na2SO4 electrolyte or Na2SO4-amended simulated 

stormwater. For the mixed electrolyte storage, catholyte and anolyte were mixed slowly 

with a peristaltic pump. To examine the effect of dissolved solids on H2O2 stability, 50 

mg/L of San Joaquin soil (NIST SRM 2709a, Gaithersburg, MD) was added to the mixed 

simulated stormwater (Mean TSS in urban stormwater = 58 mg/L as described by Grebel 

et al., 2013) . 

2.2.5 Advanced oxidation process 

Experiments to assess the performance of the AOP were conducted in a simulated 

stormwater solution amended with different concentrations of Sigma humic acid (0-5 mg-

C/L). During each experiment, 9 L of simulated stormwater amended with 10 μg/L of 

carbamazepine (CBZ) was circulated between a HDPE bucket (M&M Industries, 

Chattanooga, TN) and the UV reactor (V = 5.5 L) with a submersible pump operated at a 

flow rate of 7.6 L/min (Figure 2.1). By circulating the stormwater, we were able to 

simulate the performance of an upscaled UV reactor consisting of multiple UV reactors 

in series without the complexity of operating the large system under laboratory 
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conditions. The H2O2 stock solution was diluted from a 0.18 ± 0.03 M (n = 15) stock 

solution by mixing equal volumes of catholyte and anolyte generated by batch-mode 

electrolysis of a 0.2 M Na2SO4 electrolyte solution.  

 
Figure 2.1 Schematic of the reactor setup for UV/H2O2 process. 

Although CBZ has not been detected frequently in stormwater, it was chosen as a 

surrogate for trace organic contaminants in stormwater because it is mainly transformed 

by reactions with ●OH radicals; it exhibits a low rate of direct photolysis and does not 

react with other photo-produced transients produced by UV light (Barazesh et al. 2015). 

Most stormwater contaminants (e.g., pesticides) exhibit similar rate constants to CBZ for 

reactions with ●OH radical. Some compounds also may be transformed by direct 

photolysis and/or transient species produced when natural organic matter is exposed to 

UV light (Table 2.2). For some compounds that react with ●OH radicals slower than CBZ 

(e.g., atrazine), the overall removal rates were observed to be higher than that of CBZ 

during the UV/H2O2 process because the other compounds undergo direct photolysis 

(Rozas et al. 2016). Therefore, CBZ can be used as a surrogate for most of the trace 

organic contaminants commonly detected in stormwater.  

 

UV reactor V2

Solution reservoir V1

C1

C2



 

1
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Table 2.2 Properties of compounds that commonly detected in stormwater. 

Contaminant 

group 
Compound 

Ɛ254 

(M−1 cm−1) 
Φ254 

k·OH 

(M−1 s−1) 
Reference 

Pharmaceuticals Carbamazepine 6.0×103 6.0×10−4 9.1×109 
(Jasper and Sedlak 2013, Pereira et al. 2007b, 

Vogna et al. 2004) 

Biocides Carbendazim 4.5×103 2.3×10−3 2.2×109 (Mazellier et al. 2003, Mazellier et al. 2002) 

Insecticides Dimethoate 0a n.d.b 8.5×109 (Marin et al. 2011, Wu et al. 2021b) 

 Diazinon 2.0×103 8.6×10−2 9.0×109 (Shemer and Linden 2006) 

 Fipronil n.d. n.d. 3.9×109 (King et al. 2020) 

 Imidacloprid 1.1×104 8.5×10−3 1.0×1010 (Aregahegn et al. 2017, Armbrust 2000) 

Herbicides 2,4-D 1.5×102 9.5×10−3 5.1×109 (Benitez et al. 2004, Feigenbrugel et al. 2006) 

 Atrazine 3.9×103 4.6×10−2 3.0×109 
(Acero et al. 2000, Hessler et al. 1993, Nick et al. 

1992) 

 Dicamba 4.3×102 9.5×10−2 1.3×109 (Armbrust 2000, Wong and Chu 2003) 

 Diuron 1.5×104 2.0×10−2 9.5×109 (Jirkovský et al. 1997, Olasehinde et al. 2013) 

 Isoproturon 5.9×103 2.0×10−3 5.2×109 (Benitez et al. 2006, Sanches et al. 2010) 

 Mecoprop 2.1×102 8.8×10−1 2.5×109 (Armbrust 2000, Semitsoglou-Tsiapou et al. 2016) 

 Metolachlor 5.0×102 3.0×10−1 9.1×109 (Wu et al. 2007) 

Plasticizers BPA 7.5×102 4.6×10−3 6.9×109 (Baeza and Knappe 2011, Peller et al. 2009) 
aabsorption of 254 nm UV is insignificant.  
bn.d. means no data available. 

 

 



17 

The light field in the UV reactor was characterized by chemical actinometry using 

atrazine under the same experimental conditions. The solution was amended with 100 

μg/L of atrazine (Ɛ 254 = 3860 M−1 cm−1, Φ254 = 0.046 mol Ei−1); the same concentrations 

of humic acid was used (0-5 mg-C/L). The solution was buffered at pH = 7 using a 5 mM 

phosphate buffer (Bolton and Linden 2003, Canonica et al. 2008). The light fluence, 

which was measured before and after the advanced oxidation experiments, varied by less 

than 5%. Details of the calculation of light fluence are included in Section A.1.1 of the 

Appendix. 

2.2.6 Analytical methods 

H2O2 was measured with a titanium (IV) sulfate method modified from Eisenberg 

(1943) with a Shimadzu UV-2600 spectrophotometer at 420 nm. H2O2 was measured 

within 5 minutes of sampling to minimize artifacts caused by H2O2 decomposition. Total 

organic carbon (TOC) was measured using a Shimadzu TOC-V analyzer. CBZ-

containing samples were filtered through 0.22-μm glass fiber filters prior to adding 

isotopically labeled internal standard and 100 μL of methanol to quench any possible 
●OH reactions that could consume CBZ. CBZ was quantified in multiple reaction 

monitoring (MRM) mode with an Agilent 1200 series HPLC system coupled to a 6460 

triple quadrupole tandem mass spectrometer (HPLC-MS/MS) within 24 hours after 

sampling (Jasper et al. 2014). Metal ions were quantified in triplicate on an Agilent 7700 

Series Inductively Coupled Plasma-Mass Spectrometer (ICPMS). 

2.2.7 Kinetic model for the UV/H2O2 treatment 

A kinetic model was employed based on reaction schemes developed in 

previously published studies (Crittenden et al. 1999, Glaze et al. 1995, Song et al. 2008) 

using Kintecus version 6.80 (Ianni 2003).  

Previously published studies have described the reaction mechanisms in the 

UV/H2O2 process and measurement of rate constants for the reactions involved in the 

transformation of trace organic compounds (Baxendale and Wilson 1957, Crittenden et 

al. 1999, Glaze et al. 1995). Under UV irradiation, each molecule of H2O2/ HO2
−

 is 

cleaved to form two ●OH or one ●OH and one ●O−, which react with H2O to produce 
●OH. A substantial fraction of ●OH radicals react with H2O2/ HO2

− to initiate a chain 

reaction that results in further decomposition of H2O2 (Table 2.3 reaction 4, 5, 8, 9, 11, 

13, 14). Some of the ●OH also react with the trace organic compound, humic substances 

or HCO3
−. 

The photolysis rate of H2O2 is governed by the rate of reaction 1 (Table 2.3). The 

quantum yield of the primary process (reaction 1) ΦH2O2,primary at 254 nm is 0.5 

(Baxendale and Wilson 1957). However, the overall quantum yield ΦH2O2,overall , which 

describes the overall process including the chain reactions is unity at 254 nm (Baxendale 

and Wilson 1957).  
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Table 2.3 Reactions relevant to the H2O2/UV process 

 Reaction Reaction rate constant Reference 

1 H2O2 
  hv  
→   2·OH 

k1 =
Wλ

Z
 (1-10−αλZ) 

ƐH2O2ΦH2O2
αλ

  
 

2 HO2
− + H2O 

  hv  
→   2·OH + OH− 

k2 =
Wλ

Z
 (1-10−αλZ) 

ƐHO2
−ΦHO2

−

αλ
  

 

3 CBZ 
  hv  
→   ? k3 =

Wλ

Z
 (1-10−αλZ) 

ƐCBZΦCBZ

αλ
  

4 ·OH + H2O2 
         
→   O2

•− + H2O + H+ k4 = 2.7 × 107 M−1 s−1 (Buxton et al. 1988) 

5 ·OH + HO2
− 
         
→   O2

•− + H2O k5 = 7.5 × 109 M−1 s−1 (Buxton et al. 1988) 

6 ·OH + HCO3
− 
         
→   H2O + ·CO3

− k6 = 8.5 × 106 M−1 s−1 (Buxton et al. 1988) 

7 ·OH + CO3
2− 
         
→   OH− + ·CO3

− k7 = 3.9 × 108 M−1 s−1 (Buxton et al. 1988) 

8 ·OH + HO2· 
         
→   H2O + O2 k8 = 8.0 × 109 M−1 s−1 

(Elliot and Buxton 

1992, Sehested et al. 

1968) 

9 ·OH + O2
•− 
         
→   OH− + O2 k9 = 6.6 × 109 M−1 s−1 (Sehested et al. 1968) 

10 ·OH + CBZ 
         
→   ? kCBZ,·OH = 9.1 × 109 M−1 s−1 

(Jasper and Sedlak 

2013) 

11 O2
•− + H2O2 

         
→   ·OH + OH− + O2 k11 = 0.13 M−1 s−1 

(Weinstein and 

Bielski 1979) 

12 O2
•− + ·CO3

− 
         
→   O2 + CO3

2− k12 = 6.5 × 108 M−1 s−1 (Eriksen et al. 1985) 

13 
O2

•− + HO2· + H2O 
         
→    H2O2 + OH− + 

O2 
k13 = 9.7 × 107 M−1 s−1 (Buxton et al. 1988) 

14 HO2· + HO2· 
         
→   H2O2 + O2 k14 = 8.3 × 105 M−1 s−1 (Buxton et al. 1988) 

15 ·CO3
− + H2O2 

         
→   HCO3

− + O2
•− + H+ k15 = 8.0 × 105 M−1 s−1 

(Draganić et al. 

1991) 

16 ·CO3
− + HO2

− 
         
→   HCO3

− + O2
•− k16 = 3.0 × 107 M−1 s−1 

(Draganić et al. 

1991) 

17 ·CO3
− + ·CO3

− 
         
→   ? k17 = 3.0 × 107 M−1 s−1 

(Huie and Clifton 

1990, Mandal et al. 

1991) 

18 ·OH + DOC 
         
→   ? k18 = 9.8 × 103 L mgC−1 s−1 

(Appiani et al. 2014) 

(Barazesh et al. 

2015) 

19 ·OH + Cl−  
         
→   HOCl·− k19 = 4.3 × 109 M−1 s−1 (Jayson et al. 1973) 

20 HOCl·− 
         
→   ·OH + Cl− k20 = 6.1 × 109 s−1 (Jayson et al. 1973) 

21 HOCl·− + H+ 
         
→   Cl·+ H2O k21 = 2.1 × 1010 M−1 s−1 (Jayson et al. 1973) 

22 ·CO3
− + CBZ 

         
→   ? k22 = 2.3 × 106 M−1 s−1 

(Jasper and Sedlak 

2013) 

The molar absorption coefficients of the major chromophores are summarized in 

Table 2.4. The molar absorption coefficient for humic acid at 254 nm was experimentally 

measured using a Shimadzu UV-2600 spectrophotometer and a Shimadzu TOC-V 

analyzer. 
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Table 2.4 UV absorbance at 254 nm wavelength for chromophores. 

Species DOC Carbamazepine H2O2 

ε 0.083 ± 0.001 (L mg−1 cm−1) 6025 (M−1 cm−1) 18.6 (M−1 cm−1) 

References This study (Vogna et al. 2004) (Morgan et al. 1988) 

The observed photon fluences, W254, observed, were used for model validation. For 

full-scale performance prediction, the UV fluence rates were calculated with number of 

UV lamps (N), power of UV lamps (P, W) and volume of the full-scale reactor (Vfull-scale, 

L) and lab-scale reactor (VUV, L), and W254, real: 

                                                   𝑊𝑓𝑢𝑙𝑙−𝑠𝑐𝑎𝑙𝑒 =
𝑁∙𝑃∙𝑊254,𝑟𝑒𝑎𝑙∙ 𝑉𝑈𝑉

60W 𝑉𝑓𝑢𝑙𝑙−𝑠𝑐𝑎𝑙𝑒
                                 (2.5)           

2.3 Results and Discussion 

2.3.1 H2O2 generation as a function of current density 

The applied current density could affect the H2O2 generation performance. For 

stormwater treatment, an ideal electrode should be able to generate a high concentration 

of H2O2 stock solution with high Faraday efficiency. Comparing to in situ generation of 

H2O2 in a flow-through reactor (Barazesh et al. 2015), generating a high concentration of 

H2O2 before a storm event and storing it could reduce the energy consumption and 

system footprint by reducing the applied current density and electrode area. It could also 

minimize the amount of salt added to the treated stormwater (when H2O2 is produced in a 

salt-amended electrolyte solution as described below). However, at very high 

concentrations, especially under basic pH conditions encountered in the catholyte (pH 

around 11.5, Figure 2.2), the H2O2 is unstable due to self-decomposition and reactions 

with transition metals and organics (Galbács and Csányi 1983, Petigara et al. 2002). 

Under applied current, H2O2 can also undergo electrochemical reduction to H2O (Jiang et 

al. 2018b). Therefore, development of a better understanding of the effect of current 

density on H2O2 production rate, Faraday efficiency and factors affecting the maximum 

H2O2 concentration that can be generated provides a basis for selecting an optimum 

operational mode. 
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Figure 2.2 Catholyte pH change during H2O2 generation. Error bars represent one 

standard deviation; error bars not shown are smaller than symbols. 

Hydrogen peroxide formation in the catholyte (Figure 2.3) exhibited similar 

behavior in Na2SO4 electrolyte and in Na2SO4-amended stormwater at current densities 

ranging from 200 to 1200 A/m2. The H2O2 concentrations increased in approximately a 

linear fashion with the applied charge density up to about 120 kC/L, at which point a 

concentration of around 430 mM had been produced. For electrolysis conducted with 200 

A/m2 of current density, the H2O2 concentration remained at around 430 mM as the 

charge density further increased. For electrolysis conducted with higher current densities, 

after the charge density reaching 120 kC/L, the H2O2 generation efficiency decreased 

until the H2O2 concentration in catholyte plateaued at around 600 mM. Because of the 

similar performance with respect to applied current density, the system design and 

operation adjustment can be significantly simplified, leading to considerable flexibility in 

the operation of the treatment system.  
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Figure 2.3 Production of H2O2 during electrolysis in 0.2 M Na2SO4-amended stormwater 

and 0.2 M Na2SO4 electrolyte at varying current densities. Error bars represent one 

standard deviation. 

To assess the performance of this air-diffusion cathode for H2O2 generation at 

high H2O2 concentrations, these data were compared with results from previous studies 

on electrochemical synthesis of H2O2 in terms of surface normalized production rate, 

Faraday efficiency, and maximum H2O2 concentration (Table 2.5). The device tested in 

this study was better suited for producing a concentrated stock solution for use in water 

treatment than the other 12 systems reported in the literature that also can generate a 

relatively high concentration of H2O2 solution with relative high Faraday efficiency. This 

may be due to the fact that most previous efforts either focused on achieving the 

maximum possible H2O2 concentration ([H2O2]max ranged from 320 to 5500 mM; 

Faraday efficiency ranged from 12 to 60%) (Iwasaki et al. 2018, Luo et al. 2015, Oloman 

and Watkinson 1979, Yamanaka et al. 2008, Yamanaka and Murayama 2008, Yamanaka 

et al. 2006) or high Faraday efficiency (Faraday efficiency ranged from 79 to 99 %; 

[H2O2]max ranged from 24 to 250 mM) (Chen et al. 2017, Li et al. 2013, Sa et al. 2019, 

Wang et al. 2020b). Li et al. (2020) achieved 980 mM of [H2O2]max with a Faraday 

efficiency of 79%. But their fuel cell reactor inhibits the application of their device in 

distributed locations because of lack of supply of pure H2 and O2 in the actual field 

condition. In addition, most of those devices were designed to be operated in strongly 

acidic or alkaline conditions, with deteriorating performances observed at lower acid/base 

concentrations (Foller et al. 1991, Yamanaka et al. 2008). Among the other approaches, 

the method of Xia et al. (2019) shows considerable promise due to its high Faraday 

efficiency (90 to 95 %) and ability to produce a high concentration of H2O2 (5900 mM). 

However, the system requires pumping humidified air as a source of O2 rather than 

relying on the passive diffusion of air. The system also requires passage of water through 

a solid electrolyte. These requirements would likely increase the system cost and increase 

the risk of system failures, two outcomes that could be problematic in remote operations.
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Table 2.5 Performance metrics of different H2O2 generation methods. 

Cathodic catalyst Electrolyte 

Production rate 

(mmol cm−2 

hour−1) 

Faraday 

efficiency (%) 

[H2O2]max 

(mM) 
Reference 

Graphite particles 2 M NaOH N/A 60 800 
(Oloman and Watkinson 

1979) 

Carbon black and PTFE 0.2 M Na2SO4 0.6 21 320 (Luo et al. 2015) 

Activated carbon, vapor-

growing-carbon fiber, and PTFE 
1.2 N H2SO4 0.14 40 350 (Yamanaka et al. 2008) 

Activated carbon, vapor-

growing-carbon fiber, and PTFE 
Nafion 117 0.04 12 950 

(Yamanaka and 

Murayama 2008) 

Heat-treated Mn–

porphyrin/Carbon 
0.5 M H2SO4 0.4 47 1100 (Yamanaka et al. 2006) 

CoTPP/Ketjen-Black Nafion-H 0.9 55 5500 (Iwasaki et al. 2018) 

Mesoporous carbon (CMK-3) 0.1 M KOH N/A >90 80 (Chen et al. 2017) 

Edge site-rich nanocarbon 0.1 M KOH N/A 99 24 (Sa et al. 2019) 

Carbon-supported NiII single-

atom catalysts with 

a tetradentate Ni-N2O2 

coordination 

0.1 M KOH 1.2 >90 250 (Wang et al. 2020b) 

Co–C composite catalyst Nafion 112 0.2 30 N/A (Li et al. 2013) 

Al2O3/platinum diphosphide 

nanocrystals  

Polymer 

electrolyte 
2.3 79 980 (Li et al. 2020) 

Functionalized carbon black Solid electrolyte 3.4 90-95 5900 (Xia et al. 2019) 

Black carbon 
As described in 

method 
0.3-1.6 60-98* 600 This study 

* Faraday efficiency decreased during electrolysis due to H2O2 decomposition (Figure 2.4). 
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Figure 2.4 Faraday efficiency during electrolysis in 0.2 M Na2SO4-amended simulated 

stormwater and 0.2 M Na2SO4 electrolyte. Error bars represent one standard deviation. 

2.3.2 Energy consumption during H2O2 generation 

The energy consumption was dictated by the cell voltage, which was mainly 

affected by the ohmic loss and the overpotential. The ohmic loss of an electrochemical 

system depends upon the conductivity of the solution; the overpotential is the driving 

force of the electrochemical process and was mainly determined by the electrode material 

and the applied current density. 

For low-conductivity solutions (e.g., stormwater), the energy consumption was 

mainly affected by the low conductivity of the electrolyte. Therefore, it is possible to 

reduce the energy consumed for H2O2 production by adding an inert electrolyte (e.g., 

Na2SO4) to the stormwater. Na2SO4 was chosen as the electrolyte amendment because of 

its relatively low cost (about $100/ton) and the absence of undesirable products (e.g., 

ClO3
– from NaCl oxidation) produced when it passes through the anode chamber.  

To determine the optimal salt dosage for H2O2 generation, electrolysis was 

performed in simulated stormwater (10 mg-C/L of natural organic matter) amended with 

varying concentrations of Na2SO4 (Figure 2.6). The energy consumption for H2O2 

generation was estimated assuming a Faraday efficiency 𝜂 = 65 % and calculated based 

on the cell voltage recorded after at least one hour of electrolysis (Vcell, V), current 

density (i, A/m2), cell voltage (Vcell, V), electrode area (A, m2), electrolysis time (t, s), and 

Faraday constant (F, 96485 C/mol): 
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            𝐸𝑛𝑒𝑟𝑔𝑦 (
𝑘𝑊ℎ

𝑚𝑔 H2O2
) =  

𝑖𝑉𝑐𝑒𝑙𝑙𝐴𝑡
𝑖𝐴𝑡

2𝐹
⋅𝜂
=
2𝐹𝑉𝑐𝑒𝑙𝑙

𝜂

1 𝑚𝑜𝑙

34000 𝑚𝑔H2O2

1 𝑘𝑊ℎ

3.6×106 𝐽
           (2.6) 

The cell voltage after one hour of electrolysis was used because it can be used as a 

rough approximation of the averaged cell voltage through the whole H2O2 generation 

process (Figure 2.5).  

 
Figure 2.5 Cell voltage as a function of time during electrolysis in 0.2 M Na2SO4-

amended simulated stormwater and 0.2 M Na2SO4 electrolyte. Error bars represent one 

standard deviation. 
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Figure 2.6 Effect of Na2SO4 amendment concentrations in simulated stormwater and 

applied current densities on energy consumption for H2O2 generation. 

At lower salt concentrations ([Na2SO4] < 0.1 M), the energy consumption 

increased dramatically as the salt concentration decreased. At [Na2SO4] > 0.1 M, the 

addition of salts barely decreased the energy consumption because the overpotential 

dominated the cell voltage. A Na2SO4 concentration of 0.2 M was chosen to strike a 

balance between energy consumption and the amount of salt added to the stock solution. 

The salt amendment cost, electricity cost and overall cost to generate a 450 mM 

H2O2 stock solution were estimated at various Na2SO4 amendment concentrations and 

current densities (Figure 2.7). The cost of Na2SO4 was assumed as $100/ton. The 

electricity cost was assumed as the average price of electricity in California, $0.16/kWh 

(U.S. Energy Information Administration 2020). Given the relatively low cost of the 

Na2SO4 comparing to the cost of electricity, the estimated overall cost of the system was 

decreased by adding Na2SO4 into stormwater used for production of the H2O2 stock 

solution. For realistic operating conditions, the amount of salts can be determined by 

balancing the energy cost and the cost for delivering and dosing the salts into the 

solution.  
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Figure 2.7 Estimated salt amendment cost, electricity cost and overall cost for H2O2 

generation at various Na2SO4 amendment concentrations and current densities; [H2O2] = 

450 mM. 

Adding an electrolyte to a stock solution prior to H2O2 generation and then 

mixing a small volume of concentrated H2O2 solution into the stormwater would increase 

the total dissolved solids (TDS) of the treated stormwater. To avoid adverse impacts on 

water quality, it is important to assure that the TDS and sulfate concentration of the 

treated water would not exceed the USEPA secondary maximum contaminant levels 

(SMCLs) for TDS of 500 mg/L as well as the sulfate concentration limit of 250 mg/L 

(USEPA 2022b). If the target H2O2 concentration in the stock solution was 200 mM and a 

0.2 M solution of Na2SO4 was used in the stock solution, then addition of H2O2 to 

produce an initial H2O2 concentration of 1 mM in the stormwater will increase the TDS 

by about 140 mg/L and sulfate by around 100 mg/L which would be acceptable for 

drinking water purposes, provided that the initial stormwater TDS and sulfate 

concentrations were below 360 mg/L and 150 mg/L, respectively. If this were not the 

case, a lower concentration of Na2SO4 would be necessary. 

The energy consumption increased with respect to the applied current density 

(Figure 2.8). The increasing in energy consumption with increased current density was 

due to the increased ohmic loss and overpotential. The solution matrix (i.e., the presence 

or absence of synthetic stormwater constituents) had little effect on the energy 

consumption because of the similar solution conductivity and H2O2 generation 

performance between Na2SO4-amended simulated stormwater and Na2SO4 electrolyte. 

For electrolysis performed with current density of 800 A/m2 and 1200 A/m2, the energy 

consumption increased slightly after the H2O2 concentration reaching 450 mM due to 

decreased H2O2 generation efficiency. 
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Figure 2.8 Energy consumption of H2O2 generation under different applied current 

densities for 0.2 M Na2SO4-amended stormwater and 0.2 M Na2SO4 electrolyte. Error 

bars not shown are smaller than symbols. 

Although high current density may reduce the lifetime of the electrode (Carlesi 

Jara and Fino 2010), it enables H2O2 generation with a smaller electrode, which could 

lower the system capital cost. Use of high current densities could also generate H2O2 

more quickly, meaning that less time would be needed to generate a sufficient quantity of 

H2O2 to prepare for a storm. Operating at a low current density could lower the energy 

consumption by over 50% but H2O2 loss during storage might become more significant 

under such conditions (see Section 2.3.3). The current density employed in the system 

can be adjusted based on uncertainty in the weather forecast, the predicted duration and 

intensity of the storm and the amount of time that has elapsed since the previous storm, 

which often affects stormwater quality (Grebel et al. 2013). 

Due to the voltage limitation of the power supply used in this research, the energy 

consumption was evaluated with Na2SO4 concentrations above 0.02 M. Given the ionic 

strength of the simulated stormwater is typically around 0.005 M, use of the air-diffusion 

cathode to produce a stock solution of H2O2 without addition of salts would require a 

lower applied current density. Further research on electrode performance on H2O2 

generation under low current density conditions is needed to evaluate the tradeoffs of 

operating this system without added salts. 

2.3.3 H2O2 stability during storage 

After production, H2O2 may need to be stored for periods of several days. The 

stability of H2O2 maybe affected by solution pH (Galbács and Csányi 1983, Watts et al. 

1999), transition metals (Haber and Weiss 1934, McKee 1969), organic matter (Petigara 

et al. 2002, Romero et al. 2009), soil particles (Petigara et al. 2002), and enzymes (Netto 
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et al. 1996). At the high concentration of H2O2 employed in this system, microbial 

activity should be relatively low (Collén and Pedersén 1996). Therefore, the loss caused 

by peroxidase enzymes should be insignificant in this system.  

Previous research has indicated that H2O2 is unstable under alkaline pH 

conditions (Galbács and Csányi 1983, Nicoll and Smith 1955, Špalek et al. 1982). 

Therefore, the stability of H2O2 solution was assessed in the basic catholyte (initial pH 

around 12) and after the catholyte was mixed with acidic anolyte (which had an initial pH 

= 0.61 ± 0.04 and 0.78 ± 0.15 for Na2SO4 electrolyte and simulated stormwater, 

respectively) generated during the electrolysis process (referred to as “Na2SO4 

electrolyte” and “Na2SO4-amended stormwater”, Figure 2.9).  

 
Figure 2.9 Solution pH during H2O2 storage. Error bars represent one standard deviation; 

error bars not shown are smaller than symbols. 

The concentration of H2O2 decreased by 33% in Na2SO4-amended stormwater 

catholyte and 27% in Na2SO4 catholyte within a day. When it was mixed with the 

anolyte, only 7% and 2% of the H2O2 was lost within a day in the mixed Na2SO4-

amended stormwater and the mixed Na2SO4 electrolyte, respectively (Figure 2.10). The 

enhanced stability was attributed to the reduction in the solution pH (Figure 2.9). Abel 

(1952) and Duke and Haas (1961) reported the homogeneous, uncatalyzed decomposition 

rate and reaction mechanism of H2O2 in alkaline aqueous solution as described in eq 2.7 

and 2.8: 

                                             H2O2 ⇌ HO2
− + H+                     𝐾 =  10−11.7               (2.7) 

                                H2O2 + HO2
− → OH− + O2 + H2O         k = 1.61 M–1 h–1         (2.8) 
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During the H2O2 generation, the high concentration of H2O2/HO2
– in the catholyte 

buffered the solution pH around the pKa value of H2O2 (eq 2.7). Without further adjusting 

the pH, the disproportionation reaction (eq 2.8) could be an important loss mechanism. 

 
Figure 2.10 Hydrogen peroxide stability in catholyte and catholyte mixed with anolyte. 

Although neutralization of the catholyte slowed the rate of H2O2 decomposition, 

rates of H2O2 decomposition in the catholyte/anolyte mixture increased substantially after 

about one day. The most likely explanation for the loss of H2O2 was transition metal-

catalyzed processes, particularly from Fe and Cu in the Suwannee River natural organic 

matter (Table 2.6). The reaction mechanisms for H2O2 decomposition in simulated 

stormwater matrix is complicated because of the interactions of H2O2 with transition 

metals (Haber and Weiss 1934, McKee 1969), organic matter (Petigara et al. 2002, 

Romero et al. 2009, Walling and Goosen 1973) and phosphate (Kakarla and Watts 1997) 

and is therefore beyond the scope of this study. The measured concentrations of Fe and 

Cu in Na2SO4-amended simulated stormwater were similar to the concentrations 

observed in stormwater samples collected when suspended particle concentrations were 

low, as would be expected after stormwater-pretreatment ahead of drywell infiltration 

(Kabir et al. 2014, Li et al. 2012). Most of the Fe and Cu in stormwater is likely to be 

associated with natural organic matters or complexed by phosphate (Aiken et al. 2011, 

Benjamin 2014, Rose and Waite 2003). Therefore, the H2O2 stability observed in the 

Na2SO4-amended simulated stormwater should represent its stability under actual field 

conditions. Addition of 50 mg/L of San Joaquin soil, which is a typical concentration of 

suspended solids concentrations in stormwater (Mean TSS = 58 mg/L; Grebel et al., 

2013), did not affect H2O2 stability. 
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Table 2.6 Concentrations of transition metals measured in the waters. 

Concentration 

(μg/L) 
0.2 M Na2SO4 electrolyte 

0.2 M Na2SO4-amended 

stormwater 

Cr 3.2 ± 1.0 3.2 ± 0.04 

Mn 1.2 ± 0.51 1.1 ± 0.07 

Fe 3.4 ± 2.2 24.1 ± 0.57 

Ni <3.5 <3.5 

Cu 0.3 ± 0.06 2.1 ± 0.04 

Zn 120 ± 8 150 ± 2 

To minimize H2O2 loss during storage, the H2O2 generation process ideally should 

be completed immediately before the storm event starts. Assuming the H2O2 is generated 

in a continuous flow-through electrochemical module that has a hydraulic residence time 

of less than 1 hour, most of the loss of H2O2 will occur in the storage tank. The loss will 

be driven by the H2O2 generated at the beginning of the generating process which will be 

stored for longer time. The cumulative H2O2 loss under different operating conditions 

(Figure 2.11) was calculated based on the results of decomposition experiments (Figure 

2.10) and the storage time (T, day): 

                                 Cumulative H2O2 𝑙𝑜𝑠𝑠 (%) =
∫ (1−

𝐶

𝐶0
)𝑑𝑡

𝑇
0

𝑇
× 100%                   (2.9)    

 
Figure 2.11 Predicted cumulative loss of H2O2 during storage of stock solutions prepared 

in advance of a storm event. 

To limit the overall loss of H2O2 to less than 20%, several approaches are 

possible. First, H2O2 generated by passage of water through the cathode can be used 
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immediately, if H2O2 generation starts less than one day prior to the storm event. 

Alternatively, stormwater from the cathode chamber can be neutralized by mixing with 

stormwater that has passed through the anode, in which case the H2O2 generation can be 

started up to three days prior to the storm event. Finally, water with fewer impurities 

(e.g., tap water), can be used for H2O2 generation, in which case, generation of H2O2 can 

take place up to 10 days prior to the storm event. 

An effective H2O2 generation strategy can be formulated based on the 

performance of the air-diffusion cathode and the stability of H2O2. The required total 

current was estimated from the stability of H2O2, which determines the time available for 

H2O2 generation. To scale up the system for conditions expected in a dry well, the 

electrode area can be increased by stacking the required number of modular reactors. 

Finally, a balance between the applied current density, which determines electricity 

consumption, and the electrode capital cost can be established for each specific 

application. For example, to treat a typical 8-hour storm event in which water flows at the 

full infiltration capacity of the drywell (Q = 400 L/min) with an initial H2O2  

concentration of 1 mM in the stormwater (detailed discussion about [H2O2]initial on the 

treatment performance is described in section 3.4), the required amount of H2O2 stock 

solution ([H2O2]stock = 200 mM, V = 1 m3) can be generated with five 40 cm × 40 cm air-

diffusion cathodes operating at a current density of 800 A/m2 for one day prior to the 

storm event. The 1 m3 H2O2 stock solution reservoir and the electrochemical modules can 

be deployed within the available service area next to the drywell. 

2.3.4 Trace organic contaminant removal by advanced oxidation 

To assess the performance of the UV/H2O2 AOP, the rate of transformation of a 

trace organic contaminant that is lost mainly through reactions with ●OH (i.e., CBZ) was 

evaluated in simulated stormwater. Upon exposure to UV light and H2O2, most trace 

organic contaminants in stormwater react with ●OH radical at near diffusion-controlled 

rates (109-1010 M–1 s–1) (Wols and Hofman-Caris 2012).  

Some trace organic contaminants may also be transformed by photolysis. The 

direct photolysis did not contribute significantly to the degradation of carbamazepine 

during the UV/H2O2 process because of its low quantum yield, 6.0×10−4 (Pereira et al. 

2007b). Based on previously study (Ko et al. 2009), the effect of nitrate on contaminant 

removal during the UV/H2O2 process was negligible at initial H2O2 concentration above 

20 mg/L. The contribution of indirect photolysis by photo-excited dissolved organic 

matter (DOC*) for carbamazepine removal was also negligible (Lee et al. 2014). No data 

is available for the reaction between carbamazepine with 1O2. 

The formation rate Rform (M s−1) of ●OH from DOM and H2O2 were calculated 

from the rate of H2O2 photolysis: 

                                         Rform = 𝑛·𝑂𝐻[
𝑊𝜆

𝑍
 (1-10−𝛼𝜆𝑍) 

Ɛ𝜆𝛷𝜆

𝛼𝜆
][C]                                (2.10)             

where, 𝑛·OH = mole of ●OH formed per mole of reaction. 

With the quantum yield ΦDOM adapted from Jasper and Sedlak (2013), the ratio of 

𝑅form,DOM to 𝑅form,H2O2 in the condition of 5 mg-C/L of humic acid in stormwater can be 
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calculated as 1.7×10-4. Therefore, the contribution of photolysis to the removal of CBZ is 

expected to be negligible relative to its reactions with ●OH.  

Measured concentrations of H2O2 and CBZ were consistent with model 

predictions (Figure 2.12). The modest overprediction of transformation rates at low 

humic acid concentrations (i.e., 0 and 0.13 mg-C/L) was likely caused by impurities in 

the deionized water (i.e., dissolved organic carbon concentrations in deionized water can 

be as high as 0.5 mg-C/L, given that ion-exchange resins do not remove the organics 

from the tap water, which had a DOC concentration ranging from 1.5 to 3.0 mg-C/L; East 

Bay Municipal Utility District, 2019). The small underprediction in CBZ removal rate at 

the highest humic acid concentration (5.0 mg-C/L) was likely caused by the uncertainty 

of the rate constant for the reaction between ●OH and humic acid (typically ± 50%) 

(Appiani et al. 2014). Under conditions representative of stormwater treatment (i.e., 

[H2O2]initial and [CBZ]initial of 1 mM and 10 μg/L, respectively), the rate of transformation 

of the trace organic contaminants decreased as the concentration of humic acid increased. 

At the highest dissolved organic carbon condition tested (5.0 mg-C/L humic acid), the 

half-life for CBZ removal was around 1.6 min.   

 
Figure 2.12 Effect of humic acid concentrations on [H2O2] and [CBZ] in the AOP. (A) 

CBZ concentration and (B) H2O2 concentration. [H2O2]initial = 1 mM; [CBZ]initial = 10 

μg/L. Symbols and lines are assigned to experimental data and model predictions, 

respectively. Error bars represent one standard deviation; error bars not shown are 

smaller than symbols. 
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The UV/H2O2 process should also result in inactivation of pathogens. The photon 

fluence rates measured by chemical actinometry indicated that the UV dose delivered to 

water within 10 minutes of treatment were 2430 mJ/cm2, 2300 mJ/cm2, 1700 mJ/cm2, 

1480 mJ/cm2 and 1360 mJ/cm2 for humic acid concentration ranging from 0 mg-C/L to 

5.0 mg-C/L. For reference, 4-log inactivation of Cryptosporidium, Giardia, and viruses 

requires 22 mJ/cm2, 22 mJ/cm2, and 186 mJ/cm2, respectively (USEPA 2003). 

To avoid deposition of solutes and minerals on the surface on the UV lamps, the 

UV reactor was designed with an air gap between the UV lamp and the water surface 

(Figure 2.13).  

 
Figure 2.13 Schematic of light field in the UV reactor. 

Although this design minimizes complications associated with submerged lamps, 

it decreases light utilization efficiency, because a substantial fraction of the UV light is 

reflected and backscattered at the air-water interface and converted into heat. Although 

the aluminum reflector above the lamp redirects some of the light emitted from the lamp 

and light reflected from the air-water interface back to the water, it only returns about 

70% of UV light per reflection (Li 2000). The percentage of UV light lost as heat was 

calculated as follows:  

                              𝑈𝑉 𝑙𝑖𝑔ℎ𝑡 𝑙𝑜𝑠𝑡 𝑎𝑠 ℎ𝑒𝑎𝑡 (%) = 1 −
𝑊254 𝑁𝐴 ℎ𝜈 𝐴 

𝑃 𝜂
                (2.11) 

Where: W254 = Photon fluence rate at 254 nm (Ei cm–2 s–1) 

             NA = 6.02× 1023 mol–1 

             ℎ𝜈 = Energy per photon (J) 

             A = Air-water interface area (cm2) 

              P = Power of UV lamp (W) 

              𝜂 = Electrical to UV conversion efficiency, 35 % (USEPA 2003) 

The percentage of UV light lost as heat increased from 17% to 55% as the 

concentration of humic acid increased from 0 to 5.0 mg-C/L because the humic acid 

enhanced reflection and backscattering of UV light at the air-water interface (Figure 
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2.14). The increased light reflection and backscattering with dissolved species agreed 

with observations from previous research (Clarke et al. 1970, Grüniger et al. 1983, 

Kozarac et al. 2005, Schwarzenbach et al. 2016). For the light absorbed in the water 

column, the fraction of light absorbed by each chromophore was calculated based on the 

concentration and the molar attenuation coefficient. The percentage of UV light absorbed 

by H2O2 decreased from 99% to 4% as the concentration of humic acid increased from 0 

to 5.0 mg-C/L. As a result, the ●OH production rate decreased and the rate of H2O2 loss 

also decreased. 

 

Figure 2.14 Effect of humic acid concentrations on UV light loss by reflection and 

backscattering and through absorption by chromophores. [H2O2]initial = 1 mM; [CBZ]initial 

= 10 μg/L; Plamp = 60 W. 

In addition to slowing the rate of ●OH production by competing with H2O2 for 

UV light, humic acid also slowed the CBZ removal by serving as a ●OH scavenger 

(Figure 2.15). The fraction of ●OH that reacted with the contaminant or a specific ●OH 

scavenger was estimated based on their reaction rate constants with ●OH (k·OH,i, M
−1 s−1) 

and concentration (Ci). The scavenging effect of Cl− was neglected because of the fast 

kinetics of the reverse reaction (Reaction 19 in Table 2.3). 

                                    𝐹𝑟𝑎𝑐𝑡𝑖𝑜𝑛 𝑜𝑓 •𝑂𝐻 𝑡𝑜 𝑠𝑝𝑒𝑐𝑖𝑒𝑠 𝑖 =  
𝑘·𝑂𝐻,𝑖 𝐶𝑖

∑𝑘·𝑂𝐻 𝐶
                            (2.12)  
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Figure 2.15 Effect of humic acid concentrations on estimated steady-state ●OH 

concentration and ●OH scavenging by scavengers and contaminants (Radicals: O2
–·, 

HO2·). The height indicates steady state ●OH concentration and the patterns within 

indicate the portion of the ●OH consumed by each species. [H2O2]initial = 1 mM; 

[CBZ]initial = 10 μg/L; Plamp = 60 W. 

The concentrations of ●OH were obtained from the Kintecus kinetic model over 

experimental time-scales. The steady-state concentrations of ●OH, which were estimated 

by the average value of the ●OH concentrations, decreased by about 90% as the humic 

acid concentration increased from 0 to 5.0 mg-C/L. As the concentration of humic acid 

increased, its relative importance as a ●OH scavenger also increased. At 5.0 mg-C/L of 

humic acid, close to half of the ●OH produced was scavenged by humic acid. Because the 

model did not account for the transition metal catalyzed dismutation of O2
–·, the steady-

state concentration of this species was probably overestimated O2
–·. Therefore, the actual 

scavenging effect of O2
–· (included under “radicals” in Figure 2.15) is probably less 

important, especially at low humic acid concentrations. 

Despite the fact that ●OH react quickly with humic acid, CBZ was removed from 

stormwater in the presence of 5.0 mg-C/L of humic acid because the humic acid only 

reduced the steady-state ●OH concentration by 90%. However, the overall performance 

of the system is expected to decrease dramatically as the humic acid concentration further 

increases due to the inefficient UV reactor design and the scavenging effect. Therefore, 

under conditions likely to be useful in the field, the maximum humic acid concentration 

in stormwater treated by this system is around 5 mg-C/L.  

2.3.5 Full-scale treatment system design and considerations 

The kinetic model can provide guidance for the design of full-scale treatment 

systems and their operation under different conditions. Considering a baseline case with a 

maximum flow rate of 400 L/min (i.e., 0.067 m3/s), which is the typical value for 

drywells (Torrent Resources), along with other design conditions (e.g., system size 

limited by space available to install a treatment system within a drywell), the UV reactor 

will need to achieve at least 90% removal of a trace organic contaminant at diffusion-
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controlled rates, if it is transformed mainly by reactions with ●OH. The initial H2O2 

concentration in stormwater prior to exposure of UV light (hereinafter referred to as 

“initial H2O2 concentration” in this section) would need to be at least 0.1 mM; and 

between 5 and 25 500-watt low-pressure UV lamps would be needed to achieve the 

treatment goal if the humic acid concentrations ranged from 0.13 mg-C/L to 5.0 mg-C/L 

(Figure 2.16). Considering these constraints, the analysis indicated a trade-off between 

the initial concentration of H2O2 and the number of lamps being operated. At a humic 

acid concentration of 2.5 mg-C/L, 90% of the organic contaminants can be removed with 

an initial H2O2 concentration of 0.6 mM and 15 lamps. For a humic acid concentration of 

5 mg-C/L, an initial H2O2 concentration of 1 mM and 25 lamps is needed to assure 90% 

removal of a trace organic contaminant.  

 

Figure 2.16 Predicted CBZ removal for operation of the full-scale system under different 

conditions including: initial [H2O2], number of 500-W UV lamps, and stormwater 

containing different concentrations of humic acid (A) 0.13 mg-C/L, (B) 1.25 mg-C/L, (C) 

2.5 mg-C/L, and (D) 5.0 mg-C/L. 
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The initial H2O2 concentration in stormwater and the number of lamps being used 

affect the energy consumption by the full-scale UV/H2O2 system. We used the electrical 

energy per order (EEO) of the system to compare the system performance under different 

operating conditions (Bolton et al. 2001). Overall, EEO increased with the DOC 

concentrations because of the light reflection and backscattering at air-water interface, 

competition for light absorption and ●OH scavenging by humic acid (Figure 2.17). We 

estimated EEO values of approximate were between 0.5 and 2 kWh/m3 for condition that 

are likely to be employed in full-scale treatment system. For reference, modern seawater 

desalination requires about 3 to 5 kWh/m3 (Kim et al. 2019) and electrochemical 

oxidation with boron-doped diamond electrodes requires about 40 kWh/m3 (Lanzarini-

Lopes et al. 2017, Vahid and Khataee 2013). 

 
Figure 2.17 Predicted EEO for operating the full-scale system under different initial 

[H2O2], number of UV lamps with stormwater containing different concentrations of 

humic acid (A) 0.13 mg-C/L, (B) 1.25 mg-C/L, (C) 2.5 mg-C/L, and (D) 5.0 mg-C/L. 

The power consumption associated with H2O2 generation was set as 1.9 × 10−5 kWh/mg-

H2O2 to represent the average consumption for all current densities.  

The specific UV absorbance (SUVA) at 254 nm of humic substances measured in 

previous study (0.006-0.053 L mg−1 cm−1) (Weishaar et al. 2003) were lower than the 

value measured in this study (0.083 ± 0.001 L mg−1 cm−1). If stormwater with a lower 

SUVA value at 254 nm than the value used in our model is tested, higher removal of 

contaminants and lower energy consumption may be observed. 

(A)

(B)

(C)

(D)
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Another factor affecting the energy consumption is the applied current density 

used when preparing the H2O2 stock solution. Assuming the power consumption 

associated with H2O2 generation was 1.9 × 10−5 kWh/mg-H2O2 (i = 600 A/m2), the H2O2 

generation process consumed a similar amount of energy as the UV lamp. For example, 

at 5.0 mg-C/L of humic acid, if the system is operated with an initial H2O2 concentration 

of 0.9 mM and 25 UV lamps (500 W), generating enough H2O2 for one hour of 

continuous dosing into stormwater would consume about 14 kWh of electricity and 

operating the lamps for one hour would consume about 13 kWh electricity. Generating 

the same amount of H2O2 at current density ranging from 200 A/m2 to 1200 A/m2 would 

consume between 7 kWh and 20 kWh of electricity. 

Under the conditions employed in the AOP, less than 30% of the H2O2 will be 

converted into ●OH by UV light. Thus, residual H2O2 (i.e., up to around 1 mM) 

remaining after the treatment would be recharged to groundwater. Residual H2O2 should 

decompose in the first several centimeters of subsurface, mainly through reactions 

catalyzed by transition metal oxides and microbial biomass (Wang et al. 2016). If 

necessary, iron-containing minerals or manganese-containing minerals can be added to 

the drywell to enhance the rate of decomposition of H2O2 (Pham et al. 2012a). Because 

O2 is produced when H2O2 decomposes through transition metal-catalyzed reactions, this 

process increases dissolved oxygen concentrations in the subsurface.  This is potentially 

beneficial because aerobic biodegradation of residual organic contaminants (e.g., 

transformation products formed by the UV/H2O2 process) tends to be more effective than 

biotransformation that takes place under anoxic or anaerobic conditions (Lhotský et al. 

2017, Mikkonen et al. 2018, Regnery et al. 2017, Ying et al. 2008). 

Another consideration for successful operation is maintenance. The suspended 

UV lamp avoids any potential fouling on the lamp sleeve; therefore, the longevity of the 

UV reactor is only limited by the lifetime of UV lamps (typically >5000 hours). The 

longevity of the electrochemical reactor is limited by aging of the air-diffusion cathode or 

the cation exchange membrane. Although additional experiments are needed to further 

assess the longevity of the air-diffusion cathode, cation exchange membranes have been 

fabricated to enhance their oxidative stability (they typically operate for >1000 hours) 

(Park et al. 2018). Because the proposed treatment only operates during the rainy season 

(a total of several hundred hours of operation per year), it appears likely that the proposed 

system can be operated with only an annual maintenance, which overlap the annual 

inspection and maintenance cycle of the drywell (Whatcom County 2021).  

2.4 Conclusions 

Electrochemical generation of H2O2 followed by activation of H2O2 with UV light 

efficiently removed trace organic contaminants from stormwater. H2O2 was efficiently 

generated in stock solutions under different water matrix and applied current densities. 

The maximum H2O2 concentrations achieved in the stock solution were between 400 and 

600 mM. Although stormwater composition impacted the H2O2 stock solution stability, 

neutralization of basic pH conditions by mixing the catholyte and anolyte resulted in 

sufficient stability to enable H2O2 generation for up to three days before arrival of a storm 

and to provide enough H2O2 to treat a typical storm lasting as long as eight hours. 
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These lab-scale tests and model predictions, while indicating the potential for 

removing trace organic contaminants, did not account for several factors that could be 

encountered in field-scale applications. For example, during H2O2 generation tests, 

decreased performance of the electrode was observed after extended use, possibly as a 

result of flooding (i.e., decreased hydrophobicity of the water-facing side of the 

electrode). Further research should be conducted to investigate the factors that affect the 

electrode lifetime (e.g., current density, electrolyte conductivity). Due to the variation in 

stormwater compositions, H2O2 decomposition rates in the stock solutions also may merit 

further assessment. For locations with high concentrations of natural organic matter in 

stormwater, submerged UV lamps capable of delivering UV light to stormwater more 

efficiently by avoiding the light reflection and scattering at water/air interface may be 

needed. However, the tradeoff between lamp fouling and lamp efficiency requires further 

analysis. UV LED lamps offer promising alternatives because of the minimal heat 

generation at lamp surface, which reduces the potential for precipitative fouling (Linden 

et al. 2019). New engineering solutions for fitting the reactors into the drywell may also 

be advantageous. Low-cost sensors and controllers also may be coupled with operation of 

this system to maximize water quality benefits and enable remote or automated 

operations (Kerkez et al. 2016, Mullapudi et al. 2017). Following site-specific 

optimization, the system should be tested under field conditions. 
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CHAPTER 3. Factors Affecting the Yield of Hydroxyl 

Radical by Electrochemical Activation of H2O2 on 

Stainless-Steel Electrodes 
 

Reproduced with permission from Duan, Y., Jiang, W., Sedlak, D. L., Factors Affecting 

the Yield of Hydroxyl Radical by Electrochemical Activation of H2O2 on Stainless Steel 

Electrodes. In preparation. 
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3.1 Introduction 

Advanced oxidation processes provide a practical option for the treatment of trace 

organic contaminants (TrOCs) because they are capable of oxidizing contaminants by 

converting soluble oxidants (e.g., H2O2, O3, HOCl) to highly reactive radicals (e.g., ●OH, 
●Cl) (Miklos et al. 2018). After the initial oxidation step, many TrOCs undergo further 

reactions with dissolved oxygen or are transformed to compounds that are more easily 

degraded by microbes (Cuerda-Correa et al. 2020, Nidheesh et al. 2022). Despite the 

many advantages of advanced oxidation processes, their applications are limited by the 

challenges associated with the conversion of oxidants into radicals (Hodges et al. 2018). 

Ultraviolet light (i.e., the UV/H2O2 process) is one of the most popular advanced 

oxidation processes employed in water recycling, groundwater remediation and industrial 

wastewater treatment because it produces fewer toxic byproducts and does not introduce 

sulfate, iron or other ions that could diminish water quality (Ike et al. 2019, von Gunten 

2018). However, the application of UV/H2O2 is often limited by competition for photon 

absorption by other dissolved species. For small-scale systems, deposition of minerals on 

the surfaces of submerged UV lamps or loss of light emitted by suspended lamps through 

surface reflection reflects an additional challenge (Duan and Sedlak 2021). As an 

alternative, the 2-electron reduction of O2 to H2O2 at a cathode, followed by exposure to 

Fe(II) released from oxidation of an iron anode has been used for industrial wastewater 

treatment (Brillas et al. 2009). Such electro-Fenton systems only produce high yields of 
●OH over a relatively narrow pH range (i.e., pH 2-4) due to a shift in the reaction 

mechanism from ●OH to the more selective oxidant (e.g., Fe[IV]) as the pH increases 

(Bossmann et al. 1998, Hug and Leupin 2003, Jacobsen et al. 1998, Keenan and Sedlak 

2008). Electro-Fenton systems also require pumps to avoid O2 depletion and produce a 

waste sludge that mainly consists of Fe(III)-oxides (Brillas et al. 2009). 

To overcome the challenges associate with sludge management and the need to 

create acidic pH conditions, numerous heterogeneous catalysts that are capable of 

converting H2O2 to ●OH have been investigated. However, the percentage of H2O2 that 

produces oxidants that are capable of transforming contaminants is typically very low 

(i.e., < 5 %) (Chou et al. 2001, Huang et al. 2001, Huling et al. 1998, Kanel et al. 2004, 

Lee and Sedlak 2009, Seo et al. 2015, Valentine and Wang 1998, Xue et al. 2009). In 

these systems, the majority of H2O2 is transformed through a non-radical mechanism that 

converts H2O2 directly to O2 and H2O (Kwan and Voelker 2002, Petigara et al. 2002, 

Vafaei Molamahmood et al. 2022). Although heterogeneous Fenton catalysts that 

contained various additives (e.g., Si, Al) sometimes exhibit higher yields for ●OH 

production (Pham et al. 2009), their applications are still limited by the long-term 

stability of the catalysts (Pham et al. 2012b). Recently, custom-made electrodes 

composed of carbonaceous materials and metals have been proposed as alternatives to 

heterogeneous catalysts (Hu et al. 2021, Peng et al. 2015, Zeng et al. 2020, Zhao et al. 

2016, Zhao et al. 2012). However, the electrodes usually require complicated fabrication, 

resulting in a flat plate reactors that exhibit slow kinetics due to poor mass transfer 

properties (Chaplin 2019). 

Recently, Weng et al. (2020) reported that an inexpensive stainless-steel mesh 

material was capable of reducing H2O2 to ●OH in reverse osmosis permeate buffered with 

phosphate at pH 5.6. This material has the potential to function as a three-dimensional 
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electrode, which could further enhance its performance due to enhanced mass transport 

(Radjenovic and Sedlak 2015). 

In this study, we evaluated the performance of a three dimensional stainless-steel 

electrode for activating H2O2 over environmentally relevant pH conditions (pH 4-9) at 

different potentials. Specific goals of this study were to: (1) evaluate the effect of pH and 

potential on H2O2 activation; (2) identify the reactive oxidants and quantify their yields; 

(3) assess the metal leaching tendency of the stainless-steel electrode during H2O2 

activation; (4) quantify ●OH scavenging by the stainless-steel electrodes; and (5) assess 

the ability of the stainless-steel electrode to remove trace organic contaminants under 

conditions encountered in drinking water sources. 

3.2 Materials and Methods 

3.2.1 Materials 

All experiments were performed at room temperature (23 ± 2 °C) with chemicals 

of reagent grade or higher (Sigma-Aldrich, St. Louis, MO, and Fisher Scientific, 

Pittsburgh, PA). Ultrapure water from a Milli-Q system (R > 18 MΩ) was used for all 

experiments. H2O2 (30% v/v) was standardized by the KMnO4 assay (Gill and Zheng 

2020) and checked monthly using a Shimadzu UV-2600 UV-vis spectrophotometer at 

254 nm (Ɛ254nm = 18.6 M−1 cm−1; Morgan et al. 1988). 

3.2.2 Electrolysis in Na2SO4 electrolyte 

Electrolysis experiments were performed at fixed potential versus an Ag/AgCl 

reference electrode (3M NaCl, BASi, West Lafayette, IN) controlled by a multichannel 

potentiostat (Gamry Instruments Inc., Warminster, PA). All potentials are reported versus 

a standard hydrogen electrode (SHE). Electrolysis experiments were performed in a glass 

H-cell reactor (Figure 3.1) in the batch mode with a platinum electrode as the counter 

electrode (1.0 × 1.0 cm, 99.99% Pt, TianMeiHeChuang Technology Co., Ltd, Beijing). 

Both chambers were stirred with Teflon-coated magnetic stir bars at 400 rotations per 

minute (rpm). 

 
Figure 3.1 Schematic configuration of the electrochemical reactor. The system was 

operated with a constant potential by a potentiostat. 

Stainless-steelPt mesh

Anion-exchange membrane

Potentiostat

Ag/AgCl

mV mA
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The cathode chamber and anode chamber each had volumes of 100 mL and were 

separated by an anion-exchange membrane (Fumasep FAS-PET-130, The Fuel Cell 

Store, College Station, TX). The anion-exchange membrane was chosen to minimize 

transport of H2O2 and metals between the two chambers. The counter electrode chamber 

was filled with 200 mM Na2SO4, while the working electrode chamber was filled with 

200 mM Na2SO4 amended with 1 mM of buffer and different concentrations of methanol 

or 2-propanol to scavenge reactive oxidants produced during H2O2 decomposition. The 

following buffers were used: sodium acetate (pH 4 and 5), 2-(N-

morpholino)ethanesulfonic acid (MES; pH 6), piperazine-N,N′-bis(ethanesulfonic acid) 

(PIPES; pH 7), and sodium borate (pH 8 and 9). MES, PIPES and borate do not form 

complexes with Fe(II) or Fe(III) (Yu et al. 1997). The initial solution pH was adjusted 

using H2SO4 or NaOH. A lower buffer concentration (i.e., 1 mM) was used during 

electrolysis to ensure that the majority of the oxidants produced in the process reacted 

with the probe compounds (i.e., methanol or 2-propanol) and not the buffer. The final pH 

values for all experiments were observed to vary by less about than about 0.4 pH units 

and the variation was less than 0.2 pH units for most experimental conditions.  

A 200 mM Na2SO4 background electrolyte was used to enhance the solution 

conductivity and avoid overload of the potentiostat and internal resistance compensation. 

Na2SO4 was chosen because of its inert electrochemical behavior (Stang and Harnisch 

2016). Additionally, the electrode did not require a stabilization step (Weng et al. 2020) 

to reach the target potential when elevated background electrolyte concentrations were 

used. The addition of Na2SO4 would not be needed if the system were to be scaled up 

with a small inter-electrode distance without an ion-exchange membrane. 

Methanol was chosen as the probe compound for oxidants because it does not 

interact with surfaces to an appreciable extent, and it is uncharged over the pH range of 

interest. Furthermore, the main product of methanol oxidation by ●OH and Fe[IV], 

formaldehyde, can be quantified easily. 2-propanol was chosen as the other oxidant probe 

because it is only oxidized to acetone by ●OH and other strong oxidants (Keenan and 

Sedlak 2008). Control experiments showed that H2O2 did not react with methanol or  

2-propanol over the whole pH range tested in this study (Figure 3.2).  

 
Figure 3.2 H2O2 concentrations in the presence of 100 mM of (A) methanol, (B)  

2-propanol in buffer-containing Na2SO4 electrolyte. The experiments were conducted in 

the absence of stainless-steel electrodes. No formation of formaldehyde or acetone was 

observed. Error bars represent one standard deviation. 
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Unless otherwise specified, a high concentration of probe compounds (i.e., 100 

mM) was used to ensure all the produced reactive oxidants were captured by the probe 

compounds, in which case, the amounts of reactive oxidants generated could be 

quantified from the formation of the oxidation products (i.e., formaldehyde and acetone, 

eq 3.1). 

                       𝑂𝑥𝑖𝑑𝑎𝑛𝑡 𝑦𝑖𝑒𝑙𝑑 =
𝑛𝑜𝑥𝑖𝑑𝑎𝑛𝑡

𝑛𝐻2𝑂2
=

𝑛𝑜𝑥𝑖𝑑𝑎𝑡𝑖𝑜𝑛 𝑝𝑟𝑜𝑑𝑢𝑐𝑡

𝑛𝐻2𝑂2  𝑌𝑖𝑒𝑙𝑑 𝑜𝑓 𝑝𝑟𝑜𝑑𝑢𝑐𝑡
                  (3.1)          

where the yield of product (i.e., formaldehyde and acetone) for the reactions between the 

probe compounds and ●OH are 1.000 for methanol and 0.867 for 2-propanol (Asmus et 

al. 1973). 

The activation of H2O2 on the electrode surface is expected to produce ●OH at the 

surface. Surface-bound ●OH react with other surface-associated species or it could diffuse 

into the aqueous phase prior to reacting. The relative reactivity of the surface-bound ●OH 

with organic compounds at or near the interface as well as the extent to which the radical 

diffuses into solution are unknown (Xie et al. 2022). Therefore, we refer to the reactive 

oxidant that can oxidize both methanol and 2-propanol as ●OH, without differentiating 

between ●OH adsorbed on electrode surface or ●OH that reacts in the solution phase. 

To provide a stable performance, a new Scotch-Brite 20 g stainless-steel scrubber 

(catalogue number 214C, 3M Company, St. Paul, MN, USA; 80 cm2/g specific surface 

area) was cut to around 4.5 g and pre-conditioned. The pre-conditioning process was 

performed with the working electrode chamber operated in continuous stirred-tank 

reactor mode to avoid any metal accumulation. The working electrode chamber was fed 

with a 0.2 M Na2SO4 electrolyte that containing methanol (100 mM), buffer and H2O2. A 

total of 5 L of electrolyte was fed into the working electrode chamber over one hour. 

Hydraulic residence time was maintained at 1.20 ± 0.03 min. 

For each operating condition tested (i.e., pH and potential), a new stainless-steel 

electrode was pre-conditioned. The same electrode was used for all experiments under 

that operating condition. No significant decrease in the yield of oxidants was observed 

over time except experiments conducted at pH 6 and +0.020 V. In this experiment, 

unexpected decreases in performance were observed after pre-conditioning and 

completion of 15 experiments. After the decreases in performance were observed, 

another electrode was pre-conditioned following the same protocol and used for the 

remaining experiments. Before and after each experiment, the stainless-steel electrode 

was rinsed thoroughly with ultrapure water and air-dried for at least 30 minutes before 

being reused. 

3.2.3 Electrolysis in authentic surface water 

To assess the performance of the stainless-steel electrodes under realistic water 

composition, electrolysis experiments were performed in an undivided reactor (Figure 

3.3, V = 125 mL) stirred at 600 rpm. The undivided reactor was used to minimize pH 

changes during the electrolysis. A fresh stainless-steel electrode (~4.5g) was used for 

each replicate. Because of the long duration of the electrolysis experiment (i.e., four 

hours), the pre-conditioning process was included in the experiments. 
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Figure 3.3 Schematic configuration of the undivided electrochemical reactor. 

Surface water was collected during a storm event from Strawberry Creek on the 

University of California, Berkeley campus (37°52'26.9"N 122°15'41.8"W) on December 

22, 2021, around 1:30 PM, Pacific Time. The surface water runoff was filtered through 

0.7 µm glass fiber filter (MilliporeSigma, Burlington, MA) followed by 0.45 µm Supor® 

450 Membrane (Gelman Sciences, Ann Arbor, MI) prior to experiment. A summary of 

the water quality parameters is provided in Table 3.1. 

Table 3.1 Water quality parameters of the surface water. 

Parameter Value 

Alkalinity 2.07±0.02 mM 

Dissolved organic carbon 5.1±0.1 mg-C/L 

SUVA254 0.034±0.001 L mg-C-1 cm-1 

Conductivity 255 μS/cm 

pH 7.83±0.04 

F− 0.14 mg/L 

Cl− 10.0 mg/L 

Br− < 0.58 mg/L 

NO2
− < 0.78 mg/L 

NO3
− 2.70 mg/L 

PO4
3− < 2.0 mg/L 

SO4
2− 16.9 mg/L 

Li+ < 0.14 mg/L 

Na+ 15.8 mg/L 

K+ < 1.0 mg/L 

NH4
+ < 2.1 mg/L 

Mg2+ 8.07 mg/L 

Ca2+ 21.5 mg/L 

The collected surface water was amended with 200 mM of Na2SO4 to avoid 

overloading of the potentiostat. To test the performance of the stainless-steel electrode 

Stainless-steel

Ag/AgCl

Pt mesh
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under circumneutral pH conditions, the initial pH of the surface water was adjusted from 

7.8 to 6.0 prior to the electrolysis. (Solution acidification on this magnitude might also 

occur if the electrode had been part of a three electrode system in which the cathodes for 

H2O2 production and activation were preceded by an anode.) The pH of the solution 

increased from 6.0 to around 7.3 gradually during electrolysis, potentially caused by CO2 

partitioning between the solution and atmosphere. Based on its alkalinity, the equilibrium 

pH was estimated to be 8.0 when the water was equilibrated with the atmosphere. 

Carbamazepine and atrazine (20 μg/L) were chosen as representative TrOCs 

because of their high frequencies of detection in surface water and their relative 

resistance to oxidants other than ●OH (de Souza et al. 2020, Spahr et al. 2020, Tixier et 

al. 2003). H2O2 (1.25 mg/L = 37 μM) was dosed every 20 minutes throughout the 

electrolysis experiments with the surface water sample. Control experiments indicated 

that H2O2 did not react with carbamazepine or atrazine in the absence of stainless-steel 

electrode (Figure 3.4). 

 
Figure 3.4 Concentrations of (A) H2O2 and (B) trace organic contaminants in Na2SO4-

amended surface water in the absence of stainless-steel electrode. [H2O2]0 = 1.25 mg/L. 

Error bars represent one standard deviation; error bars not shown are smaller than 

symbols. 

Control experiments were also conducted in the absence of H2O2 to assess 

contaminant removal by processes taking place on the electrodes (e.g., direct electron 

transfer). Results indicated less than 10% loss of atrazine and about 25% loss of 

carbamazepine over the two-hour experiment (Figure 3.5). This was substantially lower 

than the removal observed in the presence of H2O2 (Figure 3.25A).  
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Figure 3.5 Concentrations of trace organic contaminants in Na2SO4-amended surface 

water in the absence of H2O2. Potential = +0.020 V. Error bars represent one standard 

deviation; error bars not shown are smaller than symbols. 

3.2.4 Analytical methods 

Samples (6 mL aliquots) were periodically collected from the stainless-steel 

electrode chamber. To prevent continued formation of formaldehyde or acetone from 

reactions between residual H2O2 and Fe(II) remaining at the time of collection, an aliquot 

of 1,10-phenanthroline (final concentration = 1 mM) was added to the samples 

(Duesterberg et al. 2005). Formaldehyde and acetone were analyzed using 2,4-

dinitrophenylhydrazine (DNPH) derivatization followed by analysis on an Agilent 1260 

Infinity high-performance liquid chromatography (HPLC) equipped with diode array 

detector as described previously (Keenan and Sedlak 2008). 

Samples for H2O2 and Fe(II) measurement were quenched by mixing with 

colorimetric reagents immediately after collection. H2O2 was measured by a modified 

version of the peroxidase catalyzed N,N-diethyl-p-phenylenediamine (DPD) oxidation 

method (Bader et al. 1988). Fe(II) was measured with a modified version of the ferrozine 

method with addition of an aliquot of ammonia fluoride (final concentration = 7 mM) to 

prevent the interference by Fe(III) (Keenan and Sedlak 2008, Viollier et al. 2000). Cr(VI) 

was measured with the diphenylcarbazide method (US Environmental Protection Agency 

1992). Aliquots for total metals measurement were acidified immediately after sampling 

to prevent precipitation and quantified in triplicate on an Agilent 7700 Series Inductively 

Coupled Plasma-Mass Spectrometer (ICP-MS).  

Methanol (10% v/v) was added to carbamazepine- and atrazine-containing samples 

to quench any possible reactions. Carbamazepine and atrazine were quantified in multiple 

reaction monitoring (MRM) mode with an Agilent 1260 series HPLC system coupled to a 

6460 triple quadrupole tandem mass spectrometer (HPLC-MS/MS) as previously 

described (Barazesh et al. 2015). 

The oxidation state of Fe in the surface of stainless-steel electrodes was 

characterized by X-ray photoelectron spectroscopy with a K-Alpha XPS spectrometer 
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(Thermo Scientific Ltd., East Grinstead, UK). Samples were air-dried prior to 

characterization. The atomic percentage of peaks was determined by a peak-fitting 

analysis using a nonlinear Shirley-type background. The virgin stainless-steel 

material was also characterized by ambient-pressure XPS experiments under 

different water vapor pressure at Beamline 9.3.1 of the Advanced Light Source 

(Axnanda et al. 2015). 

3.3 Results and Discussion 

3.3.1 Pre-conditioning of stainless-steel electrodes 

Results from preliminary experiments indicated that new stainless-steel electrodes 

underwent a period of rapid corrosion which was accompanied by the release of metals 

and variation in performance. After approximately one hour, the leaching of metals 

substantially decreased and the kinetics of H2O2 activation were more reproducible. 

When operated at pH values below 7 and a potential of +0.020 V in continuous flow 

mode, elevated metal concentrations were observed within 20 minutes (Figure 3.6C-E). 

At higher pH values, substantial metal leaching was never observed. Therefore, pre-

conditioning (i.e., operating the electrode for one hour) followed by disposal of leached 

metals may be needed prior to treating water with an initial pH value below 7. Under all 

tested conditions, the electrode performance stabilized within one hour in terms of H2O2 

decomposition, reactive oxidant production, metal leaching, and current density (Figure 

3.6). 
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Figure 3.6 (A) H2O2 transformation, (B) formaldehyde formation, (C-E) metal leaching, 

and (F) current density during the pre-conditioning process. Potential = +0.020 V when 

not specified. Error bars and confidence band represent one standard deviation. 

3.3.2 Effects of pH and applied potential on H2O2 transformation rates 

Experiments were conducted in the pH range of 4-9 with an initial H2O2 

concentration of 1.25 mg/L (i.e., 37 μM) and applied potential of +0.020 V. These values 

had been identified previously as the optimal initial H2O2 concentration and potential in 

experiments conducted in phosphate buffered at pH 5.8 (Weng et al. 2020). Assuming 

first order kinetics, H2O2 decomposition rates increased from 4.2±2.8 × 10−3 s−1 to 

8.4±2.9 × 10−3 s−1 as the pH increased from 4 to 6. As the pH values increased from 6 to 

9, the H2O2 decomposition rates decreased to 5.7±1.2 × 10−4 s−1 (Figure 3.7A). Current 

densities (Figure 3.7B) followed a similar trend as H2O2 decomposition, with the highest 
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current density observed at pH 6. The large uncertainty observed for both H2O2 

decomposition rates and current densities at pH values below 7 were likely associated 

with the changes in the electrode surface (details described in Section 3.3.4). 

 
Figure 3.7 (A) Rate constants for hydrogen peroxide decomposition, (B) current 

densities at different pH values and applied potentials. [H2O2]0 = 1.25 mg/L, [Probe 

compound] = 100 mM. Error bars represent one standard deviation. 

The concentrations of probe compounds in electrolyte had no effect on the H2O2 

decomposition rates and observed current densities (Figure 3.8). The H2O2 decomposition 

rates were consistent with those reported previously for reverse osmosis permeate 

amended with phosphate buffer and low concentrations of 1,4-dioxane (i.e., 0.2 μM) 

(Weng et al. 2020). 
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Figure 3.8 H2O2 concentrations in the cathode chamber at (A) pH 6 and (B) pH 7 with 

various concentrations of methanol in electrolyte. (C) Current density as a function of 

methanol concentration. Potential = +0.020V, [H2O2]0 = 1.25 mg/L. Error bars represent 

one standard deviation; error bars not shown are smaller than symbols. 
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The applied potentials in all experiments were above the H2 evolution potential 

(Figure 3.9), indicating that reduction of water could not explain the observed trend. 

Because the equilibrium potential of the one-electron reduction of H2O2 to ●OH (eq 3.2) 

varied with pH with a slope of -0.059 V per unit increase in pH, the overpotential driving 

this reaction (i.e., difference between the operating potential and the equilibrium 

potential) also decreased as the pH increased. Therefore, the slow reaction kinetics at pH 

8 and 9 could have been due to the smaller driving forces (i.e., overpotentials) for H2O2 

activation.  

                                                     H2O2 + 𝑒
− → OH−+ •OH                                     (3.2)             

 

Figure 3.9 Pourbaix diagram for H2O2, [H2O2] = 37 μM and [●OH]SS = 3.6 × 10-11 M. 

The [●OH]SS was estimated based on a previously reported 1,4-dioxane degradation 

kinetics under similar operating conditions (Weng et al. 2020). Symbols represent 

experimental conditions tested in this study. 

To further investigate the effect of overpotential on the performance of the 

stainless-steel electrode at high pH values (i.e., 8 and 9), applied potentials were adjusted 

by -0.059 V per pH increment (i.e., -0.039 V at pH 8 and -0.098 V 9) to maintain the 

same driving force as values applied at pH 7 and +0.020 V. With the same overpotential, 

H2O2 decomposition rates were almost identical to those observed at pH 7. However, the 
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observed current densities were higher than those observed at pH 7 and +0.02V, 

indicating that H2O2 could have been lost through different pathways. 

To gain insight into the rate-limiting step of the H2O2 activation process, the 

experiment was repeated at varying initial H2O2 concentrations. In comparison with the 

experiments conducted with 1.25 mg/L of H2O2, increasing the initial H2O2 concentration 

to 2.5 mg/L and 5.0 mg/L resulted in about 10% and 40% reduction in the H2O2 loss rates 

(Figure 3.10). The decrease in the rate of H2O2 decomposition was much smaller than 

values predicted if H2O2 activation on the surface was the rate-limiting step (i.e., zero 

order kinetics).  

 
Figure 3.10 H2O2 transformation in the cathode chamber at varying initial H2O2 

concentration. Applied potential = +0.020V, pH = 6. 

The mass-transport limiting current density was predicted based on film theory. 

The mass-transfer coefficient km was predicted by: 

                                                                𝑘𝑚 =
𝐷

𝐿𝑓
                                                       (3.3) 

where D is the diffusion coefficient of H2O2 in water (1.5 × 10−5 cm2 s−1) (Abdekhodaie 

et al. 2015, Gros and Bergel 1995), and Lf is the film thickness (about 100 μm) (Chaplin 

2014, 2019). The rate constant limited by mass transport, klimt, was predicted by: 

                                                            𝑘𝑙𝑖𝑚𝑡 = 𝑘𝑚𝑎                                                   (3.4) 

where a is the surface area to volume ratio (m2/m3). The measured rate constants were 

comparable with mass-transport limitations (predicted klimt = 5.4 ×10−3 s−1).  

Finally, a linear relationship correlation was observed between the observed current 

densities and the initial H2O2 concentration, suggesting the presence of excess available 

reactive sites on the stainless-steel electrode surface (Figure 3.11). Therefore, the mass 

transport of H2O2 to the electrode surface was likely the rate-limiting step for H2O2 

activation. 
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Figure 3.11 Relationship between the observed current densities and initial H2O2 

concentration. Applied potential = +0.020V, pH = 6. 

3.3.3 Reactive oxidant production 

Although the activation of H2O2 by Fe(II) and Fe oxides has been studied for over 

a century (Fenton 1894), the identity of the reactive oxidants produced in these systems is 

still unresolved. Most evidence suggests that the homogeneous reaction of uncomplexed 

Fe(II) and H2O2 produce ●OH at low pH values and a different oxidant, most likely an 

Fe[IV] species, at pH values above 4 (Hug and Leupin 2003). Fe[IV] species also appears 

to dominate in the presence of EDTA (Rush and Koppenol 1986) and when Fe(II) is 

produced by photolysis of Fe(III) complexes (i.e., the photo-Fenton reaction) (Pignatello 

et al. 1999). For heterogeneous processes, the widely accepted mechanism involves ●OH 

production through reactions between H2O2 and surface iron species (i.e., ≡Fe(II)) (Lin 

and Gurol 1998). However, the identity of the reactive species generated with other 

heterogeneous catalysts is less certain. For example, both ●OH and an unidentified weak 

oxidant are formed over the acidic to near-neutral pH in a ferrihydrite-induced 

heterogeneous Fenton process (Chen et al. 2021). Surface ferryl (i.e., ≡ Fe[IV]) has also 

been proposed as the species in systems using a titanium oxide-supported iron catalyst 

(Kim et al. 2020). 

To gain insight into the oxidants produced by H2O2 activation on the stainless-

steel electrode, methanol (100 mM) was used as a probe to quantify the total amount of 

reactive oxidants (i.e., Fe[IV] and ●OH), whereas 2-propanol (100 mM) was used to 

quantify ●OH. 
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further increased from 7 to 9 (Figure 3.12). The oxidant species generated at +0.020 V 

produced similar amounts of formaldehyde and acetone, indicating ●OH was the main 

oxidant species. A maximum yield for ●OH production of 71% was observed at pH 7, 

which is over an order of magnitude higher than yields observed for other Fenton systems 

(Chou et al. 2001, Huang et al. 2001, Huling et al. 1998, Kanel et al. 2004, Lee and 

Sedlak 2009, Seo et al. 2015, Valentine and Wang 1998, Xue et al. 2009). At pH 9, no 

reactive oxidant was formed when +0.020V was applied despite of a loss of about 20% of 

the H2O2 during the experiments. 

 
Figure 3.12 Yield of oxidants as a function of pH and applied potential. [H2O2]0 = 1.25 

mg/L, [Probe compound] = 100 mM. Error bars represent one standard deviation; error 

bars not shown are smaller than symbols. 

After lowering the applied potential (hollow symbol in Figure 3.12), the total 

yield of reactive oxidants observed at pH 8 was about the same as that observed at +0.020 

V and the stainless-steel generated reactive oxidants at pH 9. However, the reactive 

oxidant produced under these conditions were only capable of oxidizing methanol, 

indicating the reactive oxidant generated when H2O2 was activated switched from ●OH to 

Fe[IV]. Because Fe was not detected in the aqueous phase at pH values above 7, the 

Fe[IV] was assumed to be a surface species (e.g., ≡Fe[IV]). 

The electron utilization efficiency for producing reactive oxidants (Figure 3.13A) 

and for activating H2O2 (Figure 3.13B) followed similar trend as the yield of oxidants, 

with the maximum values observed at pH 7. At the optimal operating condition (i.e., pH 

7 and +0.020 V), about 50% of electrons were consumed for H2O2 production, indicating 

a high electron utilization efficiency. 
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Figure 3.13 Electron utilization efficiency for (A) producing reactive oxidants and (B) 

for activating H2O2 as a function of pH and applied potential. [H2O2]0 = 1.25 mg/L, 

[Probe compound] = 100 mM. Error bars represent one standard deviation; error bars not 

shown are smaller than symbols. 
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membranes, Cr was not detected in the anode chamber. The chromium concentrations 

observed during these experiments were always below the USEPA maximum 

contaminant level (MCL) for total Cr of 100 μg/L (USEPA 2022a) and the California 

MCL for chromium(VI) of 10 μg/L (California Water Boards 2013). However, the Fe 

concentrations were above the secondary maximum contaminant level (SMCL) of 0.3 

mg/L (USEPA 2022b) in experiments conducted at pH 6 and below. Other metals that are 

known to occur in 410 stainless-steel (e.g., Ni and Mg) were not detected in solution 

under any pH conditions.  

 
Figure 3.14 Concentrations of iron and chromium after five minutes of electrolysis at a 

potential of +0.020 V. *represents experiments conducted at potentials lower than +0.020 

V (i.e., -0.039 V at pH 8 and -0.098 V at pH9). Error bars represent one standard 

deviation. 

Some aspects of the leaching of metals can be understood by considering the 

thermodynamics of the passivation layer (Figure 3.15). At pH 4 and 5, the Fe(III)-oxides 

in the passivation layer should be reduced to Fe2+ and the Cr(III)-oxides should dissolve 

to produce low concentrations of aqueous Cr(III) species (i.e., Cr3+ or Cr(OH)2+) at an 

electrode potential of +0.020 V. Additionally, as the passivation layer was reduced and 

dissolved, elemental Fe and Cr could be exposed to the solution, resulting in formation of  

Fe2+ and Cr(III) species, which was consistent with the anodic current observed at +0.020 

V during the pre-conditioning process. At pH 6, the Fe2O3 could be reduced and react 

with Cr2O3 to form FeCr2O4 (eq 5 in Table 3.2), which could possibly explain the 

leaching of Fe and Cr at pH 6, especially because the newly formed amorphous FeCr2O4 

has a higher solubility than that of the crystalline form. At pH values above 6, a 

passivation layer composed of Fe2O3(S) and Cr2O3(S) could have been formed on the 

surface of the stainless-steel electrode. This phase would prevent further metal leaching 

from stainless-steel (Nagayama and Cohen 1962).  
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Figure 3.15 Pourbaix diagram for (A) Fe, [Fe]tot = 1 mg/L, (B) Cr, [Cr]tot = 10 μg/L. 

Symbols represent experimental conditions tested in this study. 
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Table 3.2 Reactions considered for construction of Pourbaix diagrams. 

[1] Fe ↔ Fe2+ + 2𝑒− E○ = -0.41 V 

[2] Fe2+ ↔ Fe3+ + 𝑒− E○ = +0.77 V 

[3] 2Fe3+ + 3H2O ↔ Fe2O3 + 6H
+ K = 103.73 

[4] 2Fe2+ + 3H2O ↔ Fe2O3 + 6H
+ + 2𝑒− E○ = +0.66 V 

[5] 2FeCr2O4 + H2O ↔ Fe2O3 + 2Cr2O3 + 2H
+ + 2𝑒− E○ = +0.40 V 

[6] 2Fe3O4 + H2O ↔ 3Fe2O3 + 2H
+ + 2𝑒− E○ = +0.21 V 

[7] 3Fe + 4H2O ↔ Fe3O4 + 8H
+ + 8𝑒− E○ = -0.09 V 

[8] Cr ↔ Cr2+ + 2𝑒− E○ = -0.90 V 

[9] Cr2+ ↔ Cr3+ + 𝑒− E○ = -0.43 V 

[10] Cr3+ + 4H2O ↔ HCrO4
− + 3𝑒− + 7H+ E○ = +1.38 V 

[11] CrOH2+ + 3H2O ↔ HCrO4
− + 3𝑒− + 6H+ E○ = +1.30 V 

[12] Cr3+ + H2O ↔ CrOH2+ + H+ K = 10-4.00 

[13] 2CrOH2+ + H2O ↔ Cr2O3 + 4H
+ K = 10-7.68 

[14] Cr2+ + H2O ↔ CrOH2+ + H+ + 𝑒− E○ = -0.19 V 

[15] 2Cr2+ + 3H2O ↔ Cr2O3 + 6H
+ + 2𝑒− E○ = +0.04 V 

[16] Cr2O3 + 5H2O ↔ 2HCrO4
− + 6𝑒− + 8H+ E○ = 1.23 V 

[17] HCrO4
− ↔ CrO4

2− + H+ K = 10-6.47 

[18] Cr2O3 + 5H2O ↔ 2CrO4
2− + 6𝑒− + 10H+ E○ = 1.35 V 

[19] 2Cr + 3H2O ↔ Cr2O3 + 6𝑒
− + 6H+ E○ = -0.59 V 

[20] Cr2O3 + 5H2O ↔ 2Cr(OH)4
− + 2H+ K = 10-39.86 

[21] Cr(OH)4
− ↔ CrO4

2− + 3𝑒− + 4H+ E○ = 0.96 V 
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Changes in the oxidation state of Fe on the electrode surface were characterized 

by X-ray photoelectron spectroscopy. Samples for each operating condition were 

collected from at least three different locations on the electrode. Higher Fe(II) and Fe(0) 

contents were observed under acidic pH conditions when metal leaching was observed, 

which was consistent with the reduction of Fe(III)-oxides on the passivation layer coating 

the electrode surface (Figure 3.16). The greater heterogeneity of the electrode surface 

when metal leaching was observed (i.e., the wider standard deviations) was consistent 

with the fact that corrosion could happen at different rates at different locations (Frankel 

and Sridhar 2008). 

 
Figure 3.16 Atomic concentration of Fe in different oxidation states. Potential = +0.020 

V, *represents experiments conducted at potentials lower than +0.020 V (i.e., -0.039 V at 

pH 8 and -0.098 V at pH9). Error bars represent one standard deviation. 
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Ambient-pressure soft X-ray photoelectron spectroscopy confirmed that the 

stainless-steel was stable in the presence of water (Figure 3.17).  

 

Figure 3.17 Comparison of XPS measurements at different water vapor pressure. No 

apparent change was observed except for O1s. The additional peaks at 537 and 540 eV 

for O1s were associated with water vapor and potentially physically adsorbed water, 

respectively. 
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Additionally, increasing the initial concentrations of H2O2 (0-5 mg/L), methanol 

(5-100 mM), and dissolved O2 (anerobic versus aerobic) did not have a major impact on 

the leaching of Fe or Cr from stainless-steel electrodes (Figure 3.18 and 3.19). In fact, the 

presence of O2 and higher concentrations of H2O2 slightly reduced metal leaching, 

possibly by enhancing the rate of oxidation of reduced Fe species (e.g., Fe(0) and Fe(II)) 

to form a more effective passivation layer. Therefore, the H2O2 activation, reactions of 

the oxidant species with methanol, and O2 reduction reaction were excluded as the cause 

of the observed metal leaching. At an open circuit potential, the stainless-steel did not 

leach any metals when in contact with H2O2 (Figure 3.18), which further supported the 

conclusion that metal leaching was caused by the electrochemically driven redox 

reactions on the electrode surface. 

 
Figure 3.18 Metal concentrations after five minutes of electrolysis under various 

experimental conditions. Potential = +0.020 V, pH = 6. Error bars represent one standard 

deviation. For experiments conducted under anerobic conditions, the solution was purged 

with N2 for at least 20 minutes before the experiment and was continuously purged with 

N2 throughout the experiments in the sealed H-cell reactor. The flow rate of the N2 stream 

was maintained at 0.5 L/min. Error bars represent one standard deviation. 
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Figure 3.19 Metal concentrations after five minutes of electrolysis of electrolyte 

containing varying concentrations of methanol. Error bars represent one standard 

deviation. Potential = +0.020 V. 

3.3.5 Surface scavenging of ●OH 

Reactions that take place at the surface that consume oxidants produced when 

H2O2 is activated can lower the efficiency of contaminant transformation (Miller and 

Valentine 1995, Rusevova Crincoli and Huling 2020). Different concentrations of 

methanol were added in the electrolyte to quantify the maximum amount of ●OH 

produced at the surface that could be used for contaminant transformation (Figure 3.20). 

The observed ●OH yield (
∆𝑛CH2O

∆𝑛H2O2
) was used to represent the fraction of H2O2 that 

produced oxidants capable of reacting with the probe compound. The observed ●OH yield 

depends on both ●OH yield from the H2O2 activation process and the proportion of ●OH 

that reacts with the probe compound (i.e., methanol). Under conditions employed in this 

study, ●OH produced at the electrode surface could react with the probe compound (i.e., 

methanol), buffers, Fe2+, H2O2, or undergo reactions at the electrode surface. Assuming 

that methanol and the reactions involving ●OH do not affect the rate of production of 
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                         Observed ●OH yield=●OH yield⋅
𝑘CH3OH,•OH[CH3OH]

∑𝑘𝑖[𝑖]+𝑘surface,•OH[Surface]
               (3.5)       

where i represent the species in the aqueous phase (i.e., methanol, buffer, Fe2+, H2O2,) 

that react with ●OH. 

At the highest methanol concentrations used (i.e., 100 mM) formaldehyde yields 

plateaued at about 70% (i.e., the yield of ●OH produced on the stainless-steel surface as 

depicted in Figure 3.12). As methanol concentrations decreased below 30 mM, the 

observed ●OH yield dropped rapidly, indicating significant competition from other ●OH 

scavenging species. At methanol concentrations above about 30 mM, methanol 

outcompeted all other species for ●OH and the observed ●OH yield approached the 

maximum values. 

 
Figure 3.20 Observed ●OH yield as a function of methanol concentration. Potential = 

+0.020 V; [H2O2]0 = 1.25 mg/L. Dashed lines represent the predicted stoichiometric 

efficiency based on eq 3.5. Error bars represent one standard deviation; error bars not 

shown are smaller than symbols. 

The reaction rate constant for the reaction between ●OH and the electrode surface 

𝑘surface,•OH was calculated by rearranging eq 3.5 into a linear form (Figure 3.21) and 

subtracting out contributions from H2O2 and the buffer to ●OH scavenging. The second-

order rate constants for the reactions of buffers with ●OH were measured using 

competition kinetics as 𝑘MES,•OH = 2.1±0.1 ×109 M−1 s−1 and 𝑘PIPES,•OH = 4.2±0.1×109 

M−1 s−1, respectively (Section A.2.1 of the Appendix). The rate constants for the reaction 

between the electrode surface and ●OH was calculated as 6.5 × 105 g−1 s−1 at pH 6 and 4.9 

× 105 g−1 s−1 at pH 7. 
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Figure 3.21 Linear relationship between inverse of observed ●OH yield and inverse of 

concentration of methanol. Error bars represent one standard deviation. 

The information obtained from these experiments was used to estimate branching 

ratios for ●OH under representative conditions. This involved consideration of a scenario 

in which a 4.5 g stainless-steel electrode was used to treat 100 mL of a carbamazepine-

containing solution (20 μg/L) in the presence of various concentrations of competing 

organic compounds. The fraction of ●OH scavenged by the surface increased from about 

10% to 90% as the concentrations of competing organic compounds decreased from 1000 

mg-C/L to 10 mg/L (Figure 3.22). These results indicated that the performance of the 

stainless-steel electrode should not be affected by the presence of competing organic 

compounds under conditions typically encountered in natural waters (i.e., dissolved 

organic carbon <10 mg-C/L). Thus, only about 0.03% of the ●OH that is produced from 

H2O2 activation reacts with a TrOC like carbamazepine, but variations in water quality 

will not affect the treatment efficacy. Due to the modest impact of other solutes (e.g., 

trace amounts of organic solvent) on the fate of ●OH produced on the electrode surface, 

the stainless-steel electrode could potentially be implemented for the treatment of high-

strength wastewater (e.g., industrial wastewater that containing other organic that would 

compete for ●OH in a conventional advanced oxidation process). 

y = 0.0083x + 1.5939
R² = 0.9686

y = 0.01x + 1.5252
R² = 0.9525

0

1

2

3

4

0 50 100 150 200

[MeOH]−1 (M−1)

pH 6

pH 7

pH 6:

 H   

Observed
●OH yield−1



66 

 
Figure 3.22 Predicted ●OH branching ratios for the treatment of 20 μg/L of 

carbamazepine with 4.5 g of stainless-steel electrode in the presence of 1.25 mg/L of 

H2O2 and various concentrations of competing organic compounds. Carbamazepine and 

H2O2 are also shown on the right axis. 

3.3.6 Possible mechanisms of H2O2 activation 

H2O2 could potentially undergo three transformation pathways: (1) homogeneous 

Fenton processes; (2) direct electron transfer on the stainless-steel electrode; and (3) 

heterogeneous electro-Fenton processes (Figure 3.23). For the direct electron transfer and 

heterogeneous electro-Fenton pathways, any ●OH produced should consist of adsorbed 

species (●OHad). These species may diffuse into the aqueous phase. It should be noted 

that the reactivity of ●OHad towards organic compounds and its ability to diffuse into the 

aqueous phase is still unclear (Xie et al. 2022). 
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Figure 3.23 Possible mechanisms for H2O2 transformation. 

The homogeneous pathway for H2O2 activation (i.e., the Fenton reaction) was 

evaluated at pH 4-6 using measured data on the measured concentration of dissolved 

Fe(II). The H2O2 decomposition rates from this process were estimated to be 

1.4±0.7×10−3 s−1, 1.4±0.5×10−3 s−1, and 2.0±0.8×10−3 s−1 at pH values of 4, 5, and 6 

(Section A.2.3 of the Appendix). Therefore, 35%, 21% and 23% of the H2O2 was 

activated through the homogeneous Fenton pathway at pH 4, 5 and 6, respectively. At pH 

values above 5, this process should have produced Fe[IV] instead of ●OH (Bataineh et al. 

2012, Hug and Leupin 2003, Lu et al. 2018). The production of ●OH at pH values above 

5 excluded the homogeneous Fenton reaction as a mechanism for H2O2 activation at 

higher pH values. 

The electrochemical reduction of H2O2 by direct electron transfer has been 

studied previously and proceeds by one-electron transfer processes at low overpotentials 

(e.g., E = +0.4 V at pH 1). H2O2 is first reduced to adsorbed ●OHad. ●OHad is further 

reduced to H2O by a second electron (Eickes et al. 2000, Flätgen et al. 1999, Honda et al. 

1983, Patra and Munichandraiah 2009). Because of the similar overpotential applied on 

the stainless-steel electrode, it was likely that the ●OHad can be produced by direct 

electron transfer of H2O2. The second electron transfer to reduce ●OHad to H2O can be 

one possible explanation of the ●OH scavenging by the electrode surface. 

The heterogeneous electro-Fenton process can be initiated at +0.020 V and pH 

values below 7 by reduction of ≡ Fe(III) to form ≡ Fe(II). Surface ≡ Fe(II) can react 
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with H2O2 to produce ●OHad. The formed ●OHad may react with ≡ Fe(II) on the surface, 

which could be another explanation for the ●OH scavenging by the electrode surface. 

However, at pH values above 7, the electro-Fenton pathway was unlikely to happen 

because ≡ Fe(III) (e.g., Fe2O3) was thermodynamically stable at +0.020 V. 

Control experiments shown that no reaction occurred when H2O2 came in contact 

with the stainless-steel electrode in the absence of externally applied potential (Figure 

3.24). Therefore, the passivation layer which contained Fe-oxides did not catalyze H2O2 

activation through a heterogeneous Fenton process (i.e., reduction of ≡ Fe(III) to ≡
Fe(II) by H2O2 followed by reaction between ≡ Fe(II) and H2O2 to produce ●OH).  

 
Figure 3.24 H2O2 decomposition and formaldehyde formation at open circuit potential 

and +0.020 V. Experiments conducted in buffered Na2SO4 electrolyte, pH = 6. [H2O2]0 = 

1.25 mg/L. Error bars represent one standard deviation. 

3.3.7 Oxidation of trace organic contaminants in authentic surface water 

The presence of natural organic matter and HCO3
− poses challenges for 

electrochemical advanced oxidation processes because of their capacity to scavenge ●OH 

as well as the potential for fouling and scaling on the electrode surface (Liu et al. 2018b, 

Mossad and Zou 2013). Because less than 0.05% of the produced ●OH was expected to 

react with the TrOCs in the authentic surface water sample due to the low concentrations 

of contaminants (i.e., 20 μg/L), a total of 15 mg/L of H2O2 was added to produce 

sufficient ●OH (i.e., 1.25 mg/L of H2O2 was dosed periodically every 20 minutes 

throughout the treatment process). 

0

10

20

30

0

0.2

0.4

0.6

0.8

1

0 1 2 3 4 5

Δ[HCHO]
(μM)

Time (min)

[H2O2]

[H2O2]0

Open circuit potential:

+0.020 V:

Open circuit potential:

+0.020 V:



69 

 
Figure 3.25 (A) concentrations of representative trace organic contaminants and (B) 

released Fe and Cr during the treatment of an authentic water sample. Potential = +0.020 

V, 1.25 mg/L of H2O2 was dosed every 20 minutes. Error bars represent one standard 

deviation. 

Over four hours of operation, more than 90% of the carbamazepine 

(𝑘carbamazepine,•OH = 9.1 × 109 M−1 s−1) (Jasper and Sedlak 2013) and about 40% of 

atrazine (𝑘Atrazine,•OH = 2.5 × 109 M−1 s−1) (Balci et al. 2009) were removed (Figure 

3.25A). For a total dosage 15 mg/L of H2O2 (i.e., 0.44 mM), approximate 0.3 mM of ●OH 

should have been produced on the stainless-steel electrode surface. Based on the 
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branching ratios for carbamazepine (0.03%) and atrazine removal (0.01%), the ●OH was 

expected to remove more than 90% of carbamazepine and about 30% of atrazine, which 

was consistent with our observations (Figure 3.25). 

The maximum concentrations for Fe and Cr in the solution was observed at 60 

min as 1.7 mg/L and 15 μg/L then decreased to about 0.3 mg/L and 5 μg/L at 240 min 

(Figure 3.25B). The decrease in Fe and Cr concentrations could have been caused by the 

precipitation of Fe(III)- and Cr(III)-oxide/(oxy)hydroxide at circumneutral pH conditions. 

The final concentration of leached Fe was near the drinking water standard and the final 

concentration of leached Cr in solution was below the drinking water standard (USEPA 

2022a, b). Because these experiments included the one-hour pre-conditioning process, 

where accelerated metal leaching took place, the amounts of metals leached from a pre-

conditioned electrode are expected to be below the standards when the pre-conditioned 

stainless-steel electrodes are used for drinking water treatment. 

3.4 Environmental Implications 

The low-cost stainless-steel electrode efficiently converted H2O2 into ●OH at 

circumneutral pH conditions after an initial pre-conditioning step. The concentrations of 

Fe and Cr released from the surface were below primary and secondary drinking water 

guidelines. Despite the efficient production of ●OH, most of the oxidant was lost to 

reactions on the electrode surface. Under conditions typical of drinking water (i.e., 

concentration of trace organic contaminant < 0.1 μM and natural organic matter < 10 mg-

C/L), only about 0.03% of the ●OH reacted with the trace organic contaminant. Due to to 

the dominant role of the surface as a sink for ●OH, the presence of natural organic matter 

is expected to have minimal effect on the treatment performance. Under conditions of 

high-strength industrial wastewater, the performance of the stainless-steel surface was not 

expected to be affected by species that compete for ●OH. Therefore, this system may be 

useful for industrial wastewater treatment. 

Despite the inherent inefficiency of the stainless-steel electrode, it may still be 

competitive with the UV/H2O2 process. The equilibrium potential for oxygen evolution 

reaction at the counter electrode at pH 7 is +0.817 V. Therefore, under the optimal 

potential of +0.020 V for the stainless-steel electrode, the theoretical minimum cell 

voltage was around 0.8 V. Based on the electron utilization efficiency of 47% at pH 7 

(Figure 3.13A), the minimum energy consumption to produce ●OH was estimated to be 

0.05 kWh/mol. For comparison, a typical low-pressure UV lamp employed for UV/H2O2 

treatment consumes about 0.37 kWh/mol to produce photons. Considering the inefficient 

absorption of UV light by H2O2 in natural waters (i.e., more than 95% of the produced 

UV light is absorbed by other chromophores) (Duan and Sedlak 2021), the energy 

consumption for generating ●OH by the UV/H2O2 process was estimated as 19 kWh/mol. 

Therefore, despite the loss of ●OH on the stainless-steel surface (~90%), the energy 

consumption for producing ●OH that participated in oxidation of aqueous species was 

estimated as 0.5 kWh/mol, which is over an order of magnitude lower than that of the 

UV/H2O2 process.  

Furthermore, only about 10% of the H2O2 that is added to the reactor is converted 

to ●OH in the UV/H2O2 process (Chuang et al. 2017, Zhang et al. 2019), the required 
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H2O2 dosage, as well as the energy associated with H2O2 production for UV/H2O2 

process, will be about the same as a system in which ●OH is produced by electrochemical 

activation on stainless-steel electrodes. Therefore, the stainless-steel electrode is expected 

to be more energy efficient than UV/H2O2 process in terms of the overall energy 

consumption (i.e., energy for H2O2 production and H2O2 activation). 

In this study, the stainless-steel electrode was operated under batch conditions. 

However, the porous structure and the high surface area could enhance its kinetics when 

used in a flow-through mode. Enhanced mass-transport of contaminants to the electrode 

surface could potentially lead to higher contaminant concentrations near the electrode 

surface, thereby reducing importance of the ●OH scavenging by the electrode surface. 

Additional research is needed to assess this effect of flow-through conditions as well as 

the long-term performance of the electrode. Research is also needed to develop reactor 

configurations that can operate at low ionic strength. 
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CHAPTER 4. Reagent-Free Electrochemical Advanced 

Oxidation for Distributed Water Treatment Enabled by 

Air-Diffusion and Stainless-Steel Electrodes 
 

Reproduced with permission from Duan, Y., Sedlak, D. L., Reagent-Free 

Electrochemical Advanced Oxidation for Distributed Water Treatment Enabled by Air-

Diffusion and Stainless-Steel Electrodes. In preparation. 
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4.1 Introduction 

Growing populations, deteriorating water infrastructure, and climate change are 

motivating a transition from traditional centralized water supplies to a more resilient 

distributed approach that relies upon non-traditional water sources, including stormwater, 

rainwater, and groundwater from shallow aquifers as drinking water sources (Sedlak et al. 

2021, Zodrow et al. 2017). New approaches for treating these water sources may be 

needed because they often contain trace concentration of organic contaminants that pose 

risks to public health (Lapworth et al. 2012, Spahr et al. 2020). 

Advanced oxidation processes that convert H2O2 to ●OH have been used for water 

recycling, groundwater remediation and industrial wastewater treatment because they are 

capable of oxidizing most contaminants and do not produce toxic byproducts or 

otherwise diminish water quality (Radjenovic and Sedlak 2015, von Gunten 2018). 

Despite their flexibility, commercially available advanced oxidation processes are 

difficult to use at small-scale due to expenses associated with frequent replenishment of 

chemical reagents. 

As an alternative to transporting chemical reagents to the end-users and storing it 

onsite, electrochemical H2O2 synthesis through oxygen reduction reactions can provide 

the necessary reagents for distributed treatment system (Qu and Liang 2022). 

Specifically, the development of air-diffusion electrodes facilitated the electrochemical 

synthesis process by reducing the complexity of the device and eliminating the need to 

bubble air or pure oxygen into the solution (Barazesh et al. 2015, Duan and Sedlak 2021). 

Additionally, the air-diffusion electrodes exhibit high H2O2 generation efficiencies by 

overcoming the slow mass transport of dissolved O2 caused by its limited solubility (i.e., 

8 mg/L = 0.25 mM) (Valim et al. 2013, Zhang et al. 2020b). 

Electrodes have long been employed as a means of converting H2O2 into more 

reactive oxidants. Heterogeneous electro-Fenton processes are thought to oxidize trace 

organic contaminants (TrOCs) by converting H2O2 into ●OH at neutral pH conditions 

(Ganiyu et al. 2018). Most heterogeneous electro-Fenton processes employ a composite 

electrode to reduce O2 to H2O2 and then convert it into ●OH by reacting with a redox 

active species generated on the same cathode (e.g., FeII, H*) (Ganiyu et al. 2018, Shen et 

al. 2020). Despite the effectiveness of these systems at the lab-scale, several drawbacks 

have slowed their application in distributed water treatment. Frist, because those cathodes 

were designed for simultaneous H2O2 generation and activation, they usually require 

complicated fabrication processes that can increase their cost (Qiu et al. 2021, Tang et al. 

2020). Second, most of these systems consist of fully submerged electrodes operated in a 

flow-by mode (Cao et al. 2020, Liu et al. 2018a, Zhao et al. 2021), which could 

potentially be limited by O2 depletion or slow mass transport of TrOC to the electrode 

surface. Some systems have incorporated catalysts for H2O2 activation onto air-diffusion 

electrodes (Li et al. 2022), but these electrodes could still suffer from the slow mass 

transport of TrOCs caused by the planar geometry of the air-diffusion electrodes. Other 

efforts have been made to improve the mass-transport by use of flow-through electrodes 

(Gao et al. 2015, Guo et al. 2021, Jiang et al. 2018a, Liu et al. 2020, Wang et al. 2020a), 

but these configurations often cannot generate sufficient H2O2 close to the catalytic site.  
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In addition, optimal coupling between generating H2O2 and activating H2O2 on 

the same electrode is often infeasible because the same potential has to be applied for 

electrodes responsible for both processes. The equilibrium potentials of the two reactions 

differ by about 500 mV (pH 7, 𝑃O2 = 0.21 atm, [H2O2] = 1mM, and [●OH] = 10-10 M), 

which is a large potential difference as the H2O2 production rate on the air-diffusion 

electrode can change by a factor of 10 for only tens of mV difference in its applied 

potential (Lim et al. 2021, Sa et al. 2019). Furthermore, the rates of the two processes 

depend on the reactivity, activity and loading of the catalysts on the electrodes, which 

further complicates the coupling between two processes for efficient contaminants 

removal (Casado 2019, Wang et al. 2021, Zhang et al. 2015). 

                                        O2(g) + 2𝑒
− + 2H+ → H2O2     𝐸 = +0.35 V                    (4.1) 

                                     H2O2 + 𝑒
− + H+ →  •OH + H2O     𝐸 = +0.80 V                 (4.2) 

Recently, a low-cost, commercially available material, stainless-steel scrubbing 

pads, has been investigated as an electrode for converting H2O2 to ●OH for TrOC 

oxidation (Duan et al. 2022, Weng et al. 2020). Notably, the stainless-steel electrode 

demonstrated high yields for converting H2O2 into ●OH and other species capable of 

transforming a recalcitrant organic compound (i.e., 1,4-dioxane) (Weng et al. 2020). The 

observed efficiency (i.e., ~70%) for ●OH production was over an order of magnitude 

higher than that reported for heterogeneous Fenton systems (Duan et al. 2022). Although 

the structure of the electrode lends itself to use as a flow-through electrode, the system 

was only studied in a batch reactor configuration. In addition, the system was operated by 

externally dosing H2O2, which would not be suitable for distributed water treatment. 

Finally, the performance of the electrode was not evaluated in the presence of natural 

organic matter (NOM) or other solutes that could inhibit its performance, especially 

under low ionic strength conditions. 

To better understand the potential of employing this electrode for distributed 

water treatment, we developed a reagent-free dual-cathode treatment process and 

optimized it for both the generation and activation of H2O2. Briefly, O2 from air was 

electrochemically reduced to form H2O2 on an air-diffusion electrode, followed by 

conversion of the H2O2 to ●OH on another flow-through stainless-steel electrode. The 

oxidation of low concentrations of two TrOCs that are relatively stable (i.e., 

carbamazepine and atrazine) in the dual-cathode treatment process was optimized under 

various applied potentials and flow conditions. The performance of the treatment system 

was assessed in electrolyte amended with various ●OH scavengers and in an authentic 

surface water sample. The energy consumption of the dual-cathode treatment system was 

compared with other technologies that have been developed for removal of TrOCs in 

distributed systems.  

4.2 Materials and Methods 

4.2.1 Materials 

All experiments were performed at room temperature (23 ± 2 °C) with chemicals 

of reagent grade or higher (Sigma-Aldrich, St. Louis, MO, and Fisher Scientific, 
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Pittsburgh, PA). Ultrapure water from a Milli-Q system (R > 18 MΩ) was used for all 

experiments. H2O2 (30% v/v) was standardized by the KMnO4 assay (Gill and Zheng 

2020) and checked monthly using a Shimadzu UV-2600 UV-vis spectrophotometer at 

254 nm (Ɛ254nm = 18.6 M−1 cm−1; Morgan et al. 1988). 

4.2.2 Electrolysis 

Electrolysis experiments were conducted with a potentiostat (Gamry Instruments 

Inc., Warminster, PA). An Ag/AgCl electrode (3M NaCl, BASi, West Lafayette, IN) was 

used as the reference electrode and all potentials are reported versus a standard hydrogen 

electrode (SHE). 

The air-diffusion electrode (4 cm × 4 cm) was fabricated by brush coating carbon 

black catalyst (Cabot Black Pearls 2000, Cabot, Boston, MA) onto a modified carbon 

fiber paper (AvCarb P75T, Fuel Cell Store, College Station, TX) with a conductive, 

hydrophobic support layer as previously described (Barazesh et al. 2015). A platinized 

titanium (Pt/Ti) electrode (dimensions: 5.1 × 7.6 cm; TWL, United States) was used as 

the counter electrode for the air-diffusion electrode. Two reactor cell configurations were 

used to investigate the performance of the air-diffusion electrode (Figure 4.1): an 

undivided cell (Veffective = 60 mL) and a divided cell (Veffective,cathode = 20 mL, Veffective,anode 

= 30 mL). The inter-electrode distance for both cell configurations was around 2 cm. For 

the divided cell configuration, a cation exchange membrane (Ultrex CMI-7000, 

Membranes International Inc., Ringwood, NJ) was used to separate the cathode and 

anode chambers.  

 

Figure 4.1 Electrochemical cell configurations for H2O2 generation: (A) undivided cell 

configuration, (B) divided cell configuration. ADE represents air-diffusion electrode. 

A 20 g Scotch-Brite stainless-steel scrubber working electrode (catalogue number 

214C, 3 M Company, St. Paul, MN, USA; 80 cm2/g specific surface area) was rinsed 

thoroughly with ultrapure water and compressed into a flow-through reactor (Schedule 40 
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PVC, inner diameter = 3.5 cm, Veffective = 80 mL, Figure 4.2). A platinum mesh counter 

electrode was placed about 2 mm above the stainless-steel electrode. 

 
Figure 4.2 Photo of the stainless-steel electrode reactor. 

The dual-cathode treatment system (Figure 4.7) was evaluated by recirculating a 

200 mL of test solution between the two reactors equipped with two solution reservoirs. 

A peristaltic pump (Cole-Parmer, Chicago, IL) coupled with Norprene Tygon A-60-G 

tubing (Masterflex, Vernon Hills, IL) was used to circulate solution through the system. 

The treated water was first passed through the semi-divided air-diffusion electrode 

reactor for H2O2 generation followed by passing through the stainless-steel electrode.  

4.2.3 Trace organic contaminants removal pathways 

To deconvolute the importance of ●OH produced by the dual-cathode treatment 

process from transformation mechanisms, the oxidation of TrOCs was also studied in the 

air-diffusion electrode reactor (current = 16 mA). A 200 mL of TrOC-containing 

electrolyte ([Na2SO4] = 250 mM, [TrOCs] = 20 μg/L, [PIPES] = 1 mM, pH 7) was 

recirculated within the reactor at a flow rate of 70 mL/min to ensure the same electrode to 

volume ratio and mass transport of TrOC as that of the dual-cathode treatment process. 

The contribution of the ●OH to the transformation of TrOC were calculated by 

subtracting the transformation rates obtained in separated reactors (𝑘ADE for the air-

diffusion electrode reactor and 𝑘SSE for the stainless-steel electrode reactor) from that of 

the dual-cathode system (𝑘ADE+SSE), eq 4.3: 

                                             𝑘•𝑂𝐻 = 𝑘𝐴𝐷𝐸+𝑆𝑆𝐸 − 𝑘𝐴𝐷𝐸 − 𝑘𝑆𝑆𝐸                                    (4.3) 
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To provide further insights on the fate of TrOCs in the air-diffusion electrode 

reactor, the cathodic chamber and anodic chamber were investigated separately in a 

divided cell configuration. Each chamber was fed with 200 mL of TrOC-containing 

phosphate buffer ([TrOCs] = 20 μg/L, [PO4
3─] = 200 mM, pH 7). The 200 mM phosphate 

buffer successfully buffered the solution pH, with pH values changing by less than 0.15 

pH unit over four hours of electrolysis. 

The transformation pathway of the TrOCs in the two chambers of the divided air-

diffusion electrode reactor was further broken down into radical reactions and direct 

electron transfer. Allyl alcohol has been used as a scavenger for both surface and bulk 

radicals in anodic processes because of its high reactivity with oxidants and its ability to 

interact with positively charged anode surfaces (Barazesh et al. 2016, Celdrán and 

González-Velasco 1981, Pastor et al. 1993a). However, allyl alcohol only selectively 

interacts with some cathodes, such as Pt and Pd cathodes (Arévalo et al. 2001, Pastor et 

al. 1991, Pastor et al. 1993b, Shukun et al. 2001, Willner et al. 1991) (e.g., it only forms a 

relatively weak and reversible interaction with Au cathode) (Pastor et al. 1993a). Given 

that no previous study had investigated the interaction between allyl alcohol and 

carbonaceous cathodes, it was hypothesized that both surface and aqueous radicals 

generated by the air-diffusion electrode would be scavenged by allyl alcohol, and that the 

contaminant transformation observed in its presence should be ascribed exclusively to 

direct electron transfer. Although this hypothesis may lead to an overestimation of direct 

electron transfer on the air-diffusion electrode, the ability of allyl alcohol to inhibit most 

of the contaminant transformation reactions suggested that direct electron transfer was of 

minor importance in this system. 

4.2.4 Analytical methods 

Samples for H2O2 measurement were removed from the influent and the effluent 

of the stainless-steel electrode. H2O2 was measured by a modified titanium(IV) sulfate 

method (Eisenberg 1943) or a modified version of the peroxidase catalyzed N,N-diethyl-

p-phenylenediamine (DPD) oxidation method (Bader et al. 1988).  

Samples for other analytes were removed from the effluent of the stainless-steel 

electrode. Samples for TrOC analysis were quenched with methanol (final concentration 

= 10% v/v) and analyzed in multiple reaction monitoring (MRM) mode with an Agilent 

1260 series HPLC system coupled to a 6460 triple quadrupole tandem mass spectrometer 

(HPLC-MS/MS) as described previously (Barazesh et al. 2015).  

Samples containing ●OH scavengers (i.e., 2-propanol and benzoic acid) and their 

associated ●OH oxidation products (i.e., para-hydroxybenzoic acid, acetone, and a 

unidentified acetone transformation product) were spiked with 1,10-phenanthroline (final 

concentration = 1 mM) to quench reactions of H2O2 and Fe(II) leached from the stainless-

steel electrode (Duesterberg et al. 2005). The concentrations of ●OH scavengers and 

oxidation products were analyzed on an Agilent 1260 Infinity high-performance liquid 

chromatography (HPLC) equipped with diode array detector (Section A.3.1 of the 

Appendix).  

Aliquots for total metals analysis were acidified immediately after sampling and 

quantified on an Agilent 7700 Series Inductively Coupled Plasma-Mass Spectrometer 
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(ICP-MS). Samples for TOC analysis were quenched by sodium thiosulfate (final 

concentration = 100 mM) and analyzed using a Shimadzu TOC-V analyzer. 

4.3 Results and Discussion 

4.3.1 Air-diffusion electrode for H2O2 production 

Despite the fact that the air-diffusion electrode used in this study has been adapted 

for a point-of-use UV/H2O2 system and a distributed stormwater treatment system 

(Barazesh et al. 2015, Duan and Sedlak 2021), previous investigations focused mainly on 

the engineering aspect of the operation (e.g., effects of applied current density and charge 

dosage, maximum H2O2 concentration that can be generated, and optimization for energy 

consumption) without elucidation of the onset overpotential and current-potential 

relationship especially at low overpotentials. The onset overpotential is one of the most 

important parameters that indicates the catalytic activity of catalysts and is directly 

related to the voltage efficiency of the electrolysis. The current-potential relationship is 

important to optimization of H2O2 production rates to match the rate of H2O2 activation. 

Because the rate for H2O2 production can vary by a factor of 10 for every <100 mV 

change in the applied potential (Lim et al. 2021, Sa et al. 2019), efficient matching 

between H2O2 production and H2O2 activation could be challenging. 

The onset overpotential and current-potential relationship for H2O2 production 

were evaluated in a 250 mM Na2SO4 electrolyte buffered with 50 mM of phosphate 

buffer at pH 7 using the divided cell configuration. Because H2O2 generation by the air-

diffusion electrode is independent of the solution composition (i.e., salts and NOM) 

(Barazesh et al. 2015, Duan and Sedlak 2021), the observed results should represent the 

performance that will be encountered in drinking water treatment. A significant current 

response was observed for the air-diffusion electrode (i.e., > 5 mA/cm2) whereas the 

carbon fiber paper produced no observable current over the whole range of potentials 

tested in this study. The Tafel slope under the tested potential range was 88 mV/decade 

(Figure 4.3), meaning that the current for oxygen reduction would increase by a factor of 

10 for every 88 mV decrease in the applied potential. The onset overpotential for oxygen 

reduction was measured using the average current density observed during 

chronoamperometry experiments at each specific potential to minimize capacitive current 

interference (Figure 4.4A inset) (Kim et al. 2018). The low onset overpotentials (i.e., 30 

mV under neutral pH conditions was comparable to the performance of state-of-the-art 

H2O2 electrochemical generation catalysts, which typically exhibit onset overpotential 

ranging from 10 to 150 mV (Bormann et al. 2019, Kim et al. 2018, Liang et al. 2021, 

Sheng et al. 2019). Because the carbon black catalyst is inexpensive ($1-2/kg) compared 

to prices for the raw materials of some state-of-art catalysts (e.g., NiS2 and CoS2 can cost 

more than $200/kg) and requires no further preparation or modification, it is a promising 

means of generating H2O2 in distributed treatment systems.  
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Figure 4.3 Tafel plot of the relationship between current density (i) and overpotential for 

O2 reduction for the formation of H2O2. 
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Figure 4.4 (A) Linear sweep voltammetry curves of the air-diffusion electrode and P75T 

carbon fiber paper substrate in 250 mM Na2SO4 (pH buffered at 7.0 by 50 mM phosphate 

buffer), potential scan rate: 2 mV s−1. The inset shows the average current density 

observed through multiple trials using a 5 min chronoamperometry at the specified 

potentials in the presence of 10 mM H2O2. The dashed line indicates the equilibrium 

potential for the H2O2 generation reaction in the presence of 10 mM H2O2 at pH 7          

(E = +0.32 V). (B) H2O2 production rate and Faraday efficiency obtained at the specified 

potentials with different cell configurations. Experiments conducted in real surface water 

amended with 250 mM of Na2SO4 or in 250 mM of Na2SO4 electrolyte. 

H2O2 generation was assessed in two different cell configurations with applied 

potentials ranged from -0.10 to +0.02 V (Figure 4.4B). As the applied potential decreased 

from +0.02 V to -0.10 V, the H2O2 production rate increased by a factor of 130 and 250 

for the divided cell configuration and the undivided cell configuration, respectively. The 

Faraday efficiency also increased from 21% to 87% for the divided configuration and 

from 9% to 64% for the undivided configuration. The increase in the Faraday efficiency 
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could have been caused by the increase in the current response for the 2-electron 

reduction of O2 (i.e., O2 reduction to H2O2), which outcompeted other side reactions (e.g., 

4-electron reduction of O2 to H2O, E = +0.81 V, pH = 7 and PO2= 0.21 atm). Because the 

air-diffusion electrode performed better in terms of H2O2 production rate and Faraday 

efficiency under a large applied overpotential, H2O2 generation might have benefited 

from applying a high current density to a small air-diffusion electrode. 

Given that the self-decomposition of H2O2 was insignificant over the time scale of 

the study (Duan and Sedlak 2021), the generated H2O2 most likely decomposed through 

two anodic pathways: (i) direct anodic oxidation (eq 4.4), and (ii) reaction with HOCl 

produced by anodic oxidation of Cl─ (eq 4.5 and 4.6). 

                                                     H2O2 → 2H
+ + O2 + 2𝑒

─                                     (4.4) 

                                                Cl─ + H2O → H
+ + HOCl + 2𝑒─                                (4.5) 

                                           H2O2 + HOCl → H
+ + Cl─ + O2+H2O                           (4.6) 

Separating the cathodic chamber from the anodic chamber prevented both anodic 

decomposition pathways of H2O2 and increased the H2O2 production rate and Faraday 

efficiency by a factor of 2.8 and 1.7, respectively. 

To further distinguish the effect of direct anodic oxidation from indirect anodic 

processes, experiments were also conducted in 250 mM of Na2SO4 electrolyte (Figure 

4.4B, hollow square symbol). The Faraday efficiency observed in the Na2SO4 electrolyte 

was similar to that observed in the real surface water for both cell configurations, 

indicating the presence of drinking water-relevant level of Cl─ (e.g., 10 mg/L = 0.28 mM) 

resulted in minimal loss of H2O2.  

H2O2 loss through the direct anodic oxidation was also assessed by its 

decomposition kinetics. The anodic decomposition of H2O2 followed first-order kinetics 

with a rate constant 𝑘decomp. of 4.0×10-2 min-1 (Figure 4.5A). The Faraday efficiency loss 

due to the direct anodic decomposition of H2O2 was estimated based on the average H2O2 

concentration over the electrolysis process (0.57 mM), Faraday constant (F, 96485 

C/mol) and current (I, A): 

                𝐹𝑎𝑟𝑎𝑑𝑎𝑦 𝑒𝑓𝑓𝑖𝑐𝑖𝑒𝑛𝑐𝑦 𝑙𝑜𝑠𝑠 𝐷𝑖𝑟𝑒𝑐𝑡 𝑎𝑛𝑜𝑑𝑖𝑐 𝑜𝑥𝑖𝑑𝑎𝑡𝑖𝑜𝑛 =
2𝑘𝑑𝑒𝑐𝑜𝑚𝑝.[H2O2]𝑉𝐹

𝐼
      (4.7) 

The anodic oxidation of H2O2 was estimated to cause a 20% decrease in Faraday 

efficiency, which further confirmed that the H2O2 loss was dominated by the direct 

oxidation pathway (Figure 4.5B). 
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Figure 4.5 (A) Anodic decomposition of H2O2. Experiment was conducted in 250 mM of 

Na2SO4 electrolyte using a divided cell configuration. [H2O2]0 = 5 mM, applied current = 

20 mA. (B) Observed Faraday efficiency in Na2SO4-amended surface water and predicted 

Faraday efficiency loss due to direct anodic oxidation of H2O2. Applied potential = -0.07 

V, average observed current = 19 ± 1 mA for the undivided cell configuration. 

Although the divided cell configuration can slow H2O2 loss from both direct and 

indirect anodic processes, the divided cell causes an increase in pH of the H2O2-contaning 

catholyte (Figure 4.6).  

 
Figure 4.6 pH values observed under various applied potentials on the air-diffusion 

electrode with different electrochemical cell configurations. Experiment was conducted 

in Na2SO4-amended surface water. 
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Therefore, passing the water only through the cathode chamber in the divided cell 

was not suitable for generating H2O2 because the maximum yield for converting H2O2 to 
●OH occurred under circumneutral pH conditions (Duan et al. 2022). Given the fact that 

anodically formed HOCl only played a minor role in H2O2 loss under drinking water 

condition, a semi-divided configuration was employed to minimize direct anodic 

oxidation of H2O2 and maintain a relatively constant pH by passing the water through the 

anode chamber prior to sending it into the cathode chamber. 

 
Figure 4.7 Schematic illustration of the dual-cathode treatment process. The air-diffusion 

electrode was separated from the Pt/Ti counter electrode by a cation exchange membrane. 

The stainless-steel electrode was coupled with a Pt electrode as the counter electrode in 

the flow-through reactor.  

4.3.2 Trace organic contaminant removal by the dual-cathode treatment process 

After determining the behavior of the air-diffusion electrode, we analyzed the 

effect of potential of the air-diffusion electrode on the rate of contaminant removal. 

Control experiments conducted by recirculating the electrolytes in the dual-cathode 

treatment system without any electric connections indicated that sorption accounted for 

less than 20% of the observed TrOCs loss over the four-hour experiment period (Figure 

4.8). The stainless-steel electrode was operated at +0.02 V, which was the value that had 

identified as the optimal potential for converting H2O2 to ●OH (Duan et al. 2022, Weng et 

al. 2020). Decreasing the applied potential from +0.02 V to -0.04 V enhanced the 

removal of carbamazepine and atrazine by a factor of 2.7 and 1.5, respectively. Further 
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lowering the applied potential (i.e., from -0.04 V to -0.10 V) increased the removal of the 

two compounds by another factor of 1.2 and 2.0, respectively (Figure 4.9A).  

 
Figure 4.8 Control for TrOC sorption by the dual-cathode treatment system without any 

applied potential. Experimental conditions: 250 mM Na2SO4 buffered with 1 mM of 

PIPES buffer (pH 7), [TrOCs]0 = 20 μg/L, recirculation rate = 70 mL/min. 

A decrease in the applied potential increased the rate of production of H2O2. The 

current measured on the air-diffusion electrode increased by a factor of 6.7 for every 60 

mV of potential decrease (Figure 4.9B). However, the current response on the stainless-

steel electrode only increased by a factor of about 3 for every 60 mV decrease in the 

applied potential on the air-diffusion electrode. Based on the measured Faraday 

efficiency for H2O2 generation on the air-diffusion electrode (Figure 4.4B) and the 

efficiency of H2O2 transformation on the stainless-steel electrode, defined as the amount 

of H2O2 transformed per mole of electron consumed (62% at pH 7) (Duan et al. 2022), 

we determined that the optimal current ratio between the air-diffusion electrode to 

stainless-steel electrode to ensure complete activation of the generated H2O2 was 1.4, 2.1, 

and 5.9 for air-diffusion electrode potentials of -0.10 V, -0.04 V, and +0.02 V, 

respectively, whereas the observed current ratio was measured as 4.1, 1.6, and 0.9 for 

those potentials. As a result, the produced H2O2 was not all activated by the stainless-

steel electrode when a large overpotential was applied (i.e., [H2O2] = 13 mM in the 

effluent of stainless-steel electrode) or it was all used up when the same potential (i.e., 

+0.02 V) was applied on both electrodes. In other words, when +0.02 V was applied on 

both electrodes, poor TrOC removal was observed because H2O2 was depleted quickly on 

the stainless-steel electrode. Likewise, when too high of an overpotential was applied on 

the air-diffusion electrode (i.e., -0.10 V), H2O2 accumulated in the system. By setting the 

potential on the two electrodes (i.e., applying -0.04 V on the air-diffusion electrode and 

+0.02 V on the stainless-steel electrode) the production of H2O2 and its activation could 

be optimized. 
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Figure 4.9 Effect of applied potential on the air-diffusion electrode on (A) rate of 

removal of TrOCs and (B) observed current and steady-state H2O2 concentration in 250 

mM Na2SO4 buffered with 5 mM of PIPES buffer (pH 7), recirculation rate = 35 mL/min. 

Effect of recirculation rate on (C) rate of removal of TrOCs and (D) observed current and 

H2O2 consumption rate in 250 mM Na2SO4 buffered with 1 mM of PIPES buffer (pH 7), 

applied current on air-diffusion electrode = 16 mA, applied potential on stainless-steel 

electrode (SSE) = +0.02 V. [TrOCs]0 = 20 μg/L for all experiments. 

Additional experiments were conducted with a constant current (i.e., 16 mA) on 

the air-diffusion electrode (current density = 1 mA/cm2, applied potential around -0.04 

V). The system was tested at different recirculation rates to evaluate the effect of mass 

transfer. Increasing the recirculation rate enhanced the observed rate of TrOC removal 

(Figure 4.9C). However, increasing the recirculation rate, despite lowered the H2O2 

concentration entering the stainless-steel electrode, had little effect on the current 

response on the stainless-steel electrode or the H2O2 consumption rate (Figure 4.9D). The 

H2O2 consumption rate was calculated based on the recirculation rate (Q) and reaction 

time (T): 

                          H2O2 consumption rate = 
𝑄

𝑇
∫ ([H2O2]𝐼𝑛𝑓 − [H2O2]𝑒𝑓𝑓)𝑑𝑡
𝑇

0
              (4.8) 

From these results we conclude that the enhancement in TrOC removal was 

caused by the enhanced mass transport of TrOCs to the electrode surface instead of 

enhancement of H2O2 activation. This implied that the active sites on the stainless-steel 

electrode were likely fully occupied by H2O2 and that H2O2 activation on the electrode 

was likely the rate-limiting step rather than mass transport of H2O2. 

When -0.10 V was applied on the air-diffusion electrode (Figure 4.9B), the 

current measured on the stainless-steel electrode and the H2O2 consumption rate (13 ± 2 

μmol/min) were both higher than expected assuming the H2O2 activation as the rate-
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limiting step. This observation suggested a switch in H2O2 decomposition mechanisms 

when a high concentration of H2O2 (13 mM) entered the stainless-steel electrode. The 

exact mechanism of H2O2 decomposition in the presence of high concentrations of H2O2 

is unclear. It was not evaluated because the production of excess H2O2 would be 

disadvantageous in distributed treatment system. The ineffective use of H2O2 by 

activation in the presence of high concentrations of H2O2 and the slow contaminant 

removal observed at low flow rates indicated that the system could not be effectively 

scaled up as a single pass reactor that operated at a low flow rate. 

Under the conditions used in the experiment depicted in Figure 4.9, 

approximately 0.72 mmol of H2O2 was transformed on the stainless-steel electrode during 

the four-hour experiment. At an applied current of 16 mA on the air-diffusion electrode 

and an assumed Faraday efficiency around 60% (Figure 4.4B at -0.04 V), the total 

amount of H2O2 generated by the air-diffusion electrode was estimated to be 0.71 mmol. 

At a recirculation rate of 70 mL/min, the residual H2O2 was approximate 0.04 mmol. 

These conditions suggested minimal residual H2O2 leaving the system and efficient 

activation of the stainless-steel electrodes. 

4.3.3 Trace organic contaminants removal pathways 

In addition to reaction with the ●OH generated from the H2O2 activation on the 

stainless-steel electrode, TrOCs could also be degraded by direct electron transfer and 

reactions with other radicals produced on the electrode surfaces (Mousset and Doudrick 

2020, Qin et al. 2021, Weng et al. 2020, Xie et al. 2021, Yang et al. 2018). Due to the 

non-selective nature of ●OH, distinguishing the reactions with ●OH from other removal 

pathways is essential to predicting the performance of the treatment process for removal 

of other TrOCs.  

 
Figure 4.10 Removal pathways of carbamazepine and atrazine in the dual-cathode 

treatment process. Conditions: [TrOCs]0 = 20 μg/L, applied current on air-diffusion 

electrode = 16 mA, applied potential on stainless-steel electrode = +0.02 V, recirculation 

rate = 70 mL/min. SSE represents stainless-steel electrode; ADE represents air-diffusion 

electrode; DET represents direct electron transfer. 
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The contributions from each removal pathway provided insight into the variations 

in removal rates expected for different compounds (Figure 4.10). The sum of the rate 

constants for each removal pathway measured separately was within 5% of that observed 

rate measured in the dual-cathode treatment process for both carbamazepine and atrazine. 

The importance of ●OH to the removal of TrOC was assessed by subtracting the observed 

removal rates in individual reactor from the observed rate in the dual-cathode treatment 

system. The ●OH pathway contributed to about 30% of the carbamazepine removal and 

70% of atrazine removal. The contribution of ●OH to the removal of TrOC was 

confirmed by quenching experiments. The inhibited TrOC removal rate upon addition of 

200 mM of 2-propanol or allyl alcohol was nearly identical to the TrOC removal rate 

calculated based on the above-mentioned subtraction method (Figure 4.11). 

 

 
Figure 4.11 Comparison of the rate of TrOC oxidation by ●OH calculated based on the 

subtraction method versus inhibited TrOC removal rate upon addition of 200 mM of 2-

propanol and allyl alcohol. 

In addition to the reactions with ●OH, TrOC removal was also observed when the 

two reactors were operated separately (i.e., under conditions in which ●OH formation 

from H2O2 activation did not take place). Operating the stainless-steel electrode reactor at 

+0.020 V resulted in removal rates that were less than 10% of those observed in the 

combined system, whereas operating the air-diffusion electrode reactor resulted in 

relatively fast removal of carbamazepine (i.e., removal rates were about 70% of the 

values observed in the dual-cathode treatment system) but only modest rates of removal 

of atrazine (i.e., removal rates for atrazine were about 20% of the rates observed in the 

dual-cathode treatment system). The relatively fast removal of carbamazepine was 

attributed to direct electron transfer by the Pt/Ti anode. The addition of 200 mM of allyl 
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alcohol also quenched the removal of both TrOCs by the air-diffusion electrode, 

indicating that the air-diffusion electrode may also produces some radicals in the 

presence of H2O2 (Qin et al. 2021, Weng et al. 2020, Yang et al. 2018). 

4.3.4 Performance in the presence of ●OH scavengers 

To gain insight into the performance of the dual-cathode treatment in natural 

waters, other ●OH scavengers were added to the electrolyte. Benzoic acid (pKa = 4.20) 

and 2-propanol were used to simulate the effect of a negatively charged and a neutral 

small molecule capable of reacting with ●OH. These two ●OH scavengers were chosen 

because their main oxidation products (i.e., para-hydroxybenzoic acid and acetone) are 

easily quantified. 

 
Figure 4.12 Removal of benzoic acid and production of oxidation products of 2-propanol 

or benzoic acid. Conditions: [TrOC]0 = 20 μg/L in 250 mM Na2SO4 buffered with 1 mM 

of PIPES buffer (pH 7), [●OH scavenger]0 = 10 mM, applied current on air-diffusion 

electrode = 16 mA, applied potential on stainless-steel electrode = +0.02 V, recirculation 

rate = 70 mL/min. 

The rate of benzoic acid oxidation by ●OH and the quenching effect of 2-propanol 

on the removal of TrOC were predicted based on steady-state concentrations of ●OH 

([●OH]ss) expected under each condition (eq 4.9, i represents each species that reacts with 
●OH). The rate of ●OH production was calculated based on the rate of atrazine oxidation 

by ●OH obtained in Section 4.3.3. 

                                               [ •OH]𝑆𝑆 =
𝑅𝑎𝑡𝑒 𝑜𝑓 •𝑂𝐻 𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑖𝑜𝑛

∑𝑘•𝑂𝐻,𝑖[𝑖]
                                (4.9) 

Approximately 20% of the benzoic acid was expected to be removed by ●OH 

produced on the stainless-steel electrode over four hours of reaction. However, the 
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benzoic acid concentration remained almost constant and only around 10 μM of para-

hydroxybenzoic acid (around 0.1% of [benzoic acid]0) was detected (Figure 4.12), 

indicating that benzoic acid oxidation was much slower than expected. 

In contrast, a total of approximately 8 mM of 2-propanol was transformed based 

on detection of its oxidation product (i.e., acetone and an acetone transformation product, 

Section A.3.1 of the Appendix). The ●OH generated by the dual-cathode treatment 

system was expected to oxidize about 2 mM of 2-propanol. The higher-than-expected 

transformation of 2-propanol was consistent with the anodic oxidation of 2-propanol on 

the Pt and Pt/Ti anode (Okanishi et al. 2016). Despite some 2-propanol was transformed 

by anodic oxidation, the oxidation of 2-propanol by the ●OH generated from H2O2 

activation on the stainless-steel electrode had been confirmed in a system using a divided 

H-type reactor that prevented the anodic oxidation (Duan et al. 2022). Therefore, the 

generated ●OH from H2O2 activation on the stainless-steel could be scavenged by neutral 
●OH scavengers (i.e., 2-propanol). 

The addition of 10 mM and 200 mM of 2-propanol should have quenched 55% 

and 96% of the produced ●OH. The predicted quenching effect of 2-propanol on the 

oxidation of TrOCs was consistent with the experimental observations (Figure 4.13), 

further supporting the idea that ●OH was scavenged by 2-propanol. 

 
Figure 4.13 Comparison of observed versus predicted scavenging effect of 2-propanol on 

TrOC removal. 

The difference between the transformation of 2-propanol and benzoic acid was 

likely caused by electrostatic repulsion between the negatively charged cathode surface 
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and the negatively charged benzoate, which prevented the oxidation of benzoate from 

coming into contact with the ●OH that was produced at the electrode surface. The 

diffusion distance of ●OH in the aqueous phase was estimated from the Einstein-

Smoluchowski equation to be around 8 nm (Section A.3.2 of the Appendix) 

(Schwarzenbach et al. 2016), which was about three orders of magnitude smaller than the 

local concentration gradients of charged species (e.g., negatively charged species like 

benzoate could be repelled for tens of μm from the electrode surface) (Auinger et al. 

2011, Cannan et al. 2002, Lu et al. 2020, Rudd et al. 2005). Therefore, the dual-cathode 

treatment system may benefit from electrostatic repulsion of negatively charged ●OH 

scavengers such as NOM, which is the most common ●OH scavenger in drinking water 

treatment applications. Although the electrostatic repulsion had been applied in the field 

of electrified membrane to mitigate membrane fouling (Akamatsu et al. 2010, Huang et 

al. 2015, Zhu and Jassby 2019), it has not been reported previously in electrochemical 

advanced oxidation process, likely because most of those treatments focused on anodic 

processes. 

4.3.5 Removal of trace organic contaminants from authentic surface water 

The dual-cathode treatment process was also tested using an authentic surface 

water sample containing 5.1 mg-C/L of NOM. The observed H2O2 consumption rate was 

comparable to that observed in the pH buffered Na2SO4 electrolyte (e.g., about 3 

μmol/min, Figure 4.14). However, the H2O2 concentrations flowing into the stainless-

steel electrode operated in authentic surface water were higher than those observed in 

Na2SO4 electrolyte, likely due to the inhibition of H2O2 loss at the Pt/Ti anode by NOM. 

 
Figure 4.14 H2O2 concentrations and consumption rates observed when authentic water 

was treated. Conditions: [TrOC]0 = 20 μg/L, [TOC]0 = 5.1 mg-C/L, applied current on 

air-diffusion electrode = 16 mA, applied potential on stainless-steel electrode = +0.02 V, 

recirculation rate = 70 mL/min. SSE represents stainless-steel electrode. 

At a charge density of around 1.6 kC/L, the dual-cathode treatment process 

removed more than 90% of carbamazepine and 60% of atrazine. In contrast, the total 
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organic carbon (TOC), which mainly consists of NOM, remained unchanged throughout 

the treatment. Due to the non-selective nature of ●OH, it is unlikely that NOM underwent 

oxidation without any mineralization (i.e., researchers have reported simultaneous 

decreases in TOC and chemical oxygen demand in advanced oxidation processes) 

(Ahmed et al. 2009, Ortiz-Marin et al. 2020). Therefore, it appears that the cathodically 

produced ●OH was not scavenged by the negatively charged NOM.  

 
Figure 4.15 Concentrations of TrOCs and TOC observed when authentic water was 

treated. Conditions: [TrOC]0 = 20 μg/L, [TOC]0 = 5.1 mg-C/L, applied current on air-

diffusion electrode = 16 mA, applied potential on stainless-steel electrode = +0.02 V, 

recirculation rate = 70 mL/min. 

The concentrations of Fe and Cr released from the dual-cathode treatment process 

remained below the drinking water standards throughout the experiment (Figure 4.16) 

(USEPA 2022a, b). 

 
Figure 4.16 Metal released from the stainless-steel electrode when authentic water was 

treated. Conditions: [TrOC]0 = 20 μg/L, [TOC]0 = 5.1 mg-C/L, applied current on air-

diffusion electrode = 16 mA, applied potential on stainless-steel electrode = +0.02 V, 

recirculation rate = 70 mL/min. 

0

0.2

0.4

0.6

0.8

1

0 0.5 1 1.5 2

C/C0

Charge density (kC/L)

TOC

Atrazine

Carbamazepine

0

100

200

300

0 0.4 0.8 1.2 1.6

C
o

n
c

e
n

tr
a

ti
o

n
(μ
g
/L
)

Charge density (kC/L)

Fe
Cr

6

7

8

9

0 0.4 0.8 1.2 1.6

pH

Charge density (kC/L)

SP1

SP2

(B)

(A)



92 

 

4.3.6 Energy consumption 

One of the main challenges in the application of electrochemical techniques to 

drinking water is the low conductivity of the treated water, which results in a high ohmic 

loss between the working electrodes and counter electrodes. For source waters with low 

ionic strength (i.e., the secondary maximum contaminant level for drinking water 

corresponds to an ionic strength of about 10 mM) (Langmuir 1997, USEPA 2022b), 

energy consumption for electrochemical drinking water treatment can be high (Garcia-

Segura et al. 2020, Ma et al. 2018, Radjenovic and Sedlak 2015). Electrical energy per 

order (EEO) has often been used as the figure of merit in evaluations of the energy 

efficiency of advanced water treatment processes (Bolton et al. 2001). For the treatment 

of low conductivity surface water, the EEO values were determined as 4.2 ± 0.3 kWh/m3 

for carbamazepine and 11.1 ± 1.4 kWh/m3 for atrazine (Figure 4.17). 

 
Figure 4.17 Comparison of energy consumption by the dual-cathode treatment process to 

other treatment technologies. The energy consumption corresponds to 90% reduction of 

the initial concentration of TrOCs contaminants (i.e., electrical energy per order) except 

for seawater RO. 

The energy consumption of the dual-cathode treatment process was comparable to 

other distributed water treatment technologies and seawater desalination by reverse 

osmosis (RO) (Kim et al. 2019, Miklos et al. 2018). The energy cost associated with 

externally-supplied H2O2 was calculated followed a method proposed by Pisarenko, et al. 

(2012) (Section A.3.3 of the Appendix). Although further optimization could improve the 

energy efficiency of the dual-cathode treatment process, the data observed during the 

treatment of authentic surface water suggests that this technology may be advantageous 
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relative to other approaches. Assuming a person only needs 10 L/d of clean drinking 

water, the energy consumption would be only 0.1 kWh/capita/day. 

4.4 Environmental implications 

Considering the ease of the fabrication of the air-diffusion electrode and the low 

cost of the stainless-steel electrode, the dual-cathode treatment process described in this 

study shows considerable promise for distributed water treatment. To achieve 90% 

removal of atrazine, a compound that was mostly removed through the reaction with 
●OH, the bench-scale prototype was estimated to be capable of producing around 20 

mL/h of clean water under realistic water conditions. For a typical household containing 

three persons, approximate 23 L/day of water would be needed for hydration and food 

preparation (World Health Organization 2017). Therefore, the prototype needs be scaled 

up by about a factor of about 50 for realistic applications. Because higher Faraday 

efficiency was observed at low applied potentials, the H2O2 generation process could be 

easily scaled up by applying a higher current density on the air-diffusion electrode. The 

stainless-steel electrode also could be scaled up by compressing the material into a 

treatment module. Because of the inefficient H2O2 utilization in the presence of a high 

concentration of H2O2 in the stainless-steel electrode, the scaled-up reactor might require 

multiple points for dosing the H2O2 to avoid localized high H2O2 concentrations within 

the stainless-steel electrode reactor (Figure 4.18). 

 

Figure 4.18 Schematic of a dual-cathode treatment system with multiple points for 

dosing H2O2. 

Sufficient longevity of the electrodes is another important factor for successful 

operation under field conditions. The air-diffusion electrode in this study demonstrated 

good performance for H2O2 generation after about 70 hours of operation, with a Faraday 
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efficiency of 95 ±2 % and a H2O2 production rate of 3×10-3 mmol min-1 cm-2 (Figure 

4.19). Results from a previous study demonstrated stable performance of the air-diffusion 

electrode over 50 days, with an applied current density of 1.5 mA/cm2 (Barazesh et al. 

2015). However, inorganic fouling and flooding can damage the air-diffusion electrode 

after extended use (Barazesh et al. 2015, Duan and Sedlak 2021), leading to failure of the 

air-diffusion electrode. The stainless-steel electrode was used to treat the authentic 

surface water sample for over 12 hours and with no decrease in ●OH production (Figure 

4.20). However, testing over a longer time scale with water of different composition is 

needed to ensure the effectiveness of the treatment system. Finally, the mechanisms of 

failure and associated mitigating strategies for both electrode merits further research. 

 
Figure 4.19 H2O2 generation in 250 mM Na2SO4 buffered with 1 mM of PIPES buffer 

(pH 7), [TrOCs]0 = 20 μg/L using the divided cell configuration. Applied current on air-

diffusion electrode = 16 mA, recirculation rate = 70 mL/min. The air-diffusion electrode 

had been operated for about 70 hours at 16 mA prior to the test. 
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Figure 4.20 Degradation of TrOCs over three cycles of operation. Applied current on air-

diffusion electrode = 16 mA, applied potential on stainless-steel electrode = 0.02 V. 

Experiments conducted in real surface water, [TrOCs]0 = 20 μg/L, recirculation rate = 70 

mL/min. 
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CHAPTER 5. Conclusions 
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5.1 Summary 

Climate change, urbanization, and chemical contaminants are posing new 

challenges to humanity and the environment. Much of our existing water infrastructure 

was built decades ago and is not well suited for current conditions. This mismatch results 

in water scarcity and exposure of humans and wildlife to toxic chemicals (National 

Academies of Sciences, Engineering, and Medicine 2019). Distributed treatment systems 

have the potential to address some of these challenges by exploitation of non-traditional 

water sources. However, implementation of distributed treatment technologies is often 

limited by the need for frequent replenishment of chemical reagents and a lack of cost-

effective methods to generate species that react with recalcitrant contaminants. 

Innovative treatment methods are needed for the transition from the traditional 

centralized water system to a more resilient distributed water system. 

The primary goals of my doctoral research were to develop treatment 

technologies suitable for distributed water treatment. The following sections summarize 

the important findings, implications, and future research directions. 

5.1.1 An electrochemical advanced oxidation process for the treatment of urban 

stormwater 

In Chapter 2, an electrochemical advanced oxidation system (UV/H2O2) that is 

compatible with high-capacity stormwater recharge systems (e.g., drywells) was 

developed. The system employed an air-diffusion cathode to generate a H2O2 stock 

solution (i.e., typically around 600 mM) prior to the storm event. The H2O2 stock solution 

was then metered into stormwater and converted into ●OH by an ultraviolet lamp. The 

energy consumption for H2O2 generation was optimized by adjusting the applied current 

density and adding an inert salt (e.g., Na2SO4) to a concentrated solution that could be 

generated prior to the arrival of a storm. H2O2 in the stock solution was unstable. By 

mixing the basic H2O2 containing catholyte and the acidic anolyte, the stability increased, 

enabling generation of the H2O2 stock solution up to three days prior to the storm event 

with loss of less than 20% of the H2O2. Lab-scale experiments and a kinetic model were 

used to assess the feasibility of deploying the full-scale advanced oxidation system. 

System performance decreased at elevated concentrations of dissolved organic carbon in 

stormwater, due to enhanced light reflection and backscattering at the water-air interface 

in the UV reactor, competition for UV light absorption with H2O2 and the tendency of 

organic matter to act as a ●OH scavenger. Nonetheless, the system can be incorporated 

into drywells to remove greater than 90% of trace organic contaminants under typical 

operating conditions. The electrical energy per order of the system is estimated to range 

from 0.5 to 2 kWh/m3, depending on the dissolved organic carbon concentration. 

5.1.2 Factors affecting the yield of hydroxyl radical by electrochemical activation of 

H2O2 on stainless-steel electrodes 

The research described in Chapter 3 investigated the reaction mechanism and 

oxidation yields produced by a low-cost stainless-steel electrode, which has the potential 

to be employed in lieu of UV lamps for using H2O2 to oxidize contaminants in distributed 

water treatment systems. To assess system performance, the stainless-steel electrodes 
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were operated at different pH values and applied potentials, with methanol and 2-

propanol serving as probe compounds for oxidants behaving in a manner similar to 

Fe[IV] and ●OH, respectively. H2O2 transformation rates were highest under 

circumneutral pH conditions. At +0.020 V, the stainless-steel electrode generated ●OH 

from H2O2 with a yield that was over an order of magnitude higher than that reported for 

other systems that employ iron oxides as catalysts under circumneutral pH conditions. 

Increasing the applied overpotential at pH 8 and 9 resulted in production of more Fe[IV]. 

Significant metal leaching was only observed under acidic pH conditions (i.e., at pH <5), 

with the release of up to about 2 mg/L of Fe and 50 μg/L of Cr(III) as the thickness of the 

passivation layer decreased and elemental Fe and Cr were oxidized. Despite the high 

yield of ●OH, the majority of the ●OH was scavenged by the electrode surface under 

conditions similar to those expected in drinking water sources. Although the stainless-

steel electrode oxidized trace organic contaminants, the loss of ●OH to the electrode 

surface decreased the performance of the system for the removal of TrOCs. 

5.1.3 Reagent-free electrochemical advanced oxidation for distributed water treatment 

enabled by air-diffusion and stainless-steel electrodes 

The research described in Chapter 4 described a reagent-free electrochemical 

advanced oxidation process that coupled an air-diffusion electrode with a stainless-steel 

electrode. Separating the H2O2 generation and activation steps enabled the optimization 

of each process. The optimal condition for H2O2 production and trace organic 

contaminants transformation were optimized employed a potential of -0.04 V for the air-

diffusion electrode and +0.02 V for the stainless-steel electrode. The treatment 

performance improved when the recirculation rate increased, likely due to enhanced mass 

transport of trace organic contaminants to the stainless-steel electrode. The system was 

unable to oxidize benzoate, suggesting that electrostatic repulsion minimizes the 

scavenging effect of negatively charged ●OH scavengers. Similarly, the treatment process 

selectively removed trace organic contaminants in the presence of natural organic matter 

in an authentic surface water sample, indicating the ability of the system to transform 

organic contaminants will not be impacted by the presence of negatively charged 

polymers like natural organic matter. The proposed treatment system consumed about 10 

kWh/m3, which is comparable to that of anodic oxidation and point-of-use UV/H2O2 

processes.  

5.2 Future research 

Scaling up the production of H2O2 by the air-diffusion electrode can be achieved 

by increasing the applied current density or increasing the electrode size. In Chapter 2, 

we evaluated the feasibility of increasing the applied current density. However, for field-

scale application, engineering designs that increase the electrode area may be more 

effective. Because the air-diffusion electrode must be installed between water and the 

atmosphere, scaling up the air-diffusion electrode in parallel plate reactors by simply 

increasing the area is infeasible due to constrains on the system footprint. Additionally, 

the cross-electrode hydraulic pressure increases as the size of the electrode increases, a 

factor that could cause water to leak through the pores on the electrodes. As an 
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alternative, spiral reactor module is a promising configuration to scale up the H2O2 

generation process (Figure 5.1). 

 
Figure 5.1 Schematic of a spiral reactor for scaling up the H2O2 production. Image 

modified from (Arun et al. 2019). 

The longevity of the electrodes is another important factor to ensure the effective 

operation of a distributed electrochemical treatment system. Despite previous results 

indicating stable long-term performance of the air-diffusion electrode at a low current 

density (e.g., < 30 A/m2) and low charge density (e.g., < 400 C/L) (Barazesh et al. 2015), 

preliminary results showed that the performance of the air-diffusion electrode decreased 

significantly after 24 hours of operation when operated under high current density (i.e., 

200 A/cm2) and high charge density (i.e., 125 kC/L) (Figure 5.2A). Preliminary results 

indicated the decreased performance was related to the decrease in the hydrophobicity of 

the electrode. In the presence of natural organic matter, a more significant decrease in the 

performance was observed, likely due to organic fouling on the electrode, which blocked 

the active sites (Figure 5.2B).  

For the stainless-steel electrode, its lifetime may be affected by the corrosion of 

the electrode surface and other factors such as fouling and scaling. Therefore, additional 

research is needed to create standard protocols to assess the long-term performance of 

electrodes and to assess the mechanisms of electrode failure. 

 
Figure 5.2 (A) Long-term performance of the air-diffusion electrode operated in a flow-

through mode. The stormwater contained 10 mg-C/L of humic acid. Current density = 

200 A/cm2, applied charge density = 125 kC/L. (B) Image of the liquid-facing side of the 

air-diffusion electrode after operation in Na2SO4-amended stormwater for 100 hours.  
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Transitioning from the conventional centralized treatment systems to distributed 

systems will not be feasible unless water quality and safety can be ensured. Unlike 

centralized systems, where engineers can monitor water quality for millions of users by 

collecting samples at a few locations, distributed water systems require monitoring and 

remote control for each individual treatment module. As discussed in Chapter 2, the 

performance of the advanced oxidation process could be predicted from parameters such 

as H2O2 concentration, UV fluence, total organic carbon concentration, and hydraulic 

residence time. These parameters can be measured or estimated with sensors that monitor 

water quality parameters (e.g., conductivity, light absorption) and operational parameters 

related to the treatment process (e.g., electrolysis time, current density). Therefore, 

developing control algorithms that are capable of control the system operation based on 

off-the-shelf sensors and telemetry (i.e., a cell phone relay) merits further research 

(Figure 5.3). 

 
Figure 5.3 Schematic of an automated stormwater advanced oxidation process enabled 

by wireless controllers and sensors. 
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Appendix 

A.1 An electrochemical advanced oxidation process for the treatment of urban 

stormwater 

A.1.1 Determination of the photon fluence rate 

Photon fluence rates at 254 nm (i.e., the main wavelength of energy for the low-

pressure Hg lamp used in the reactor) were determined using 100 μg/L of atrazine (Ɛ254 = 

3860 M−1 cm−1, Φ254 = 0.046 mol Ei−1) as a chemical actinometer (Bolton and Linden 

2003, Canonica et al. 2008). The photon fluence rates were characterized for all 

simulated stormwater compositions tested in the AOP experiments ([humic acid] = 0-5 

mg-C/L). The simulated stormwater was amended with 5 mM of phosphate buffer to 

maintain a pH value of 7. The actinometry experiments were conducted in batch mode by 

circulating the solution between the UV reactor and a solution reservoir as described in 

Section 2.2.5. The fluence was calculated from the phototransformation rate of atrazine: 

                                           −
𝑑[𝐶]

𝑑𝑡
 = [

𝑊𝜆

𝑍
 (1-10−𝛼𝜆𝑍) 

Ɛ𝜆𝛷𝜆

𝛼𝜆
][C]                                    (A.1) 

This yields a first-order direct photolysis rate constant, k: 

                                            𝑘 =
𝑊𝜆

𝑍
 (1-10−𝛼𝜆𝑍) 

Ɛ𝜆𝛷𝜆

𝛼𝜆
                                                 (A.2) 

where: Wλ −Fluence [
mEi

cm2s
]         

             Z−Pathlength [cm] 

             Ɛλ −Molar attenuation coefficient [M−1cm−1] 
             αλ − Beam attenuation coefficient [cm−1] = ∑(ƐλCi) 
             Φλ − Quantum yield 

The light pathlength was estimated by dividing the water stream cross-sectional 

area in the reactor (80 cm2) by the width of the air-water interface (30 cm). 

By plotting the natural logarithm of atrazine removal with time (Figure A.1), the 

observed photolysis rate constants, kobserved (Table A.1) were obtained and used to 

calculate the observed fluence value, W254, observed (Table A.2) using:  

                                                      𝑊𝜆 =
𝑘𝑍𝛼𝜆

(1−10−𝛼𝜆𝑍)Ɛ𝜆𝛷𝜆 
                                           (A.3) 
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Figure A.1 Natural logarithm of normalized atrazine concentration versus time. 

[Atrazine]0 = 100 μg/L in simulated stormwater with 5 mM phosphate buffer (pH = 7) 

amended with different concentrations of humic acid. 
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Mass balance was applied to deconvolute the effect of water recirculation on 

determination of the photolysis rate constants (kreal) and photon fluence rates (W254, real). 

The solution reservoir was assumed to act as a continuous stirred-tank reactor with no 

reaction; The UV reactor was simplified as a plug-flow reactor without dispersion. 

Within one hydraulic residence time of the UV reactor (HRTUV), the effluent 

concentration of atrazine was not related to the feed water but depended only on the time 

of exposure to UV light, which was determined by the reaction time, and the initial 

atrazine concentration. After one HRTUV, the water fed from the solution reservoir started 

to flow out of the UV reactor, and water that flowing through the UV reactor was 

exposed to UV light for one HRTUV of duration. Therefore, the effluent concentration of 

the UV reactor, C1, can be expressed as: 

                                     𝐶1(𝑡) = {
𝐶0 𝑒𝑥𝑝(−𝑘𝑟𝑒𝑎𝑙𝑡)                  𝑡 ≤ 𝐻𝑅𝑇𝑈𝑉
𝐶2(𝑡) 𝑒𝑥𝑝(−𝑘𝑟𝑒𝑎𝑙𝐻𝑅𝑇𝑈𝑉)   𝑡 > 𝐻𝑅𝑇𝑈𝑉

              (A.4) 

For the concentration inside the solution reservoir, C: 

                                                  𝑉1
𝑑𝐶

𝑑𝑡
= 𝑄𝐶1 − 𝑄𝐶2 = 𝑄𝐶1 − 𝑄𝐶                          (A.5)             

Initial condition: C = C0 

where C0, C1, C2, are initial atrazine concentration, atrazine concentration in the effluent 

and influent of the UV reactor. V1 and V2 are the volume of the solution reservoir and 

UV reactor, respectively.  

The kreal value is determined as the value that led to the minimal sum of squared 

residuals of the C/C0 values after one HRTUV (Table A.1). The results were plotted in 

Figure A.2. The W254, real was calculated based on eq A.3 (Table A.2). 
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Figure A.2 Graphically determination of kreal value from the actinometry experiments. 

Symbols and lines are assigned to results calculated based on kobserved and kreal, 

respectively. 

Table A.1 Atrazine photolysis rate constants. 

[Humic acid] 

(mg-C/L) 
0 0.13 1.3 2.5 5.0 

kobserved (s−1) 3.5×10−3 3.2×10−3 1.8×10−3 1.2×10−3 7.0×10−4 

kreal (s−1) 7.4×10−3 6.7×10−3 3.7×10−3 2.5×10−3 1.4×10−3 

Table A.2 Photon fluence rates for simulated stormwater amended with different 

concentrations of humic acid (0-5 mg-C/L). 

[Humic acid] 

(mg-C/L) 
0 0.13 1.3 2.5 5.0 

W254, observed 

(mEi/cm2/s) 
8.6×10−6 8.1×10−6 6.0×10−6 5.3×10−6 4.8×10−6 

W254, real 

(mEi/cm2/s) 
1.8×10−5 1.7×10−5 1.2×10−5 1.1×10−5 9.7×10−6 

A.2 Factors affecting the yield of hydroxyl radical by electrochemical activation 

of H2O2 on stainless-steel electrodes 

A.2.1 Reaction rate constants for ●OH with organic buffer compounds 

Second-order rate constants for the reaction of ●OH with MES and PIPES were 

measured using competition kinetics (Onstein et al. 1999). Briefly, individual test 

compounds (MES or PIPES, 1.0 μM) was irradiated in a customized brown glass bottle 

(Veffective = 600 mL), using a 9 W low-pressure Hg UV-C lamp (arc length = 12.5 cm, 

Anyray, US). The solutions contained 0.5 μM carbamazepine as a reference compound 

𝑘carbamazepine,•OH = 9.1 × 109 M−1 s−1 (Jasper and Sedlak 2013), along with H2O2 as a 

photosensitizer (10 μM). Carbamazepine was chosen as a reference compound because it 

exhibits low rate of direct photolysis (Pereira et al. 2007a).  

Solution pH was buffered with 100 μM phosphate buffer at 6.0 for the MES 

experiment and 7.0 for the PIPES experiment, respectively. The pH changed by < 0.2 

units through the photolysis experiments. Details of the analytical method and the rate 

constants determination are described in Section A.2.2 of the appendix. Because the 

reaction between the test compounds and H2O2 are slow (Zhao and Chasteen 2006) and 

no H2O2 consumption was observed when test compounds were added to H2O2-contaning 

solution, the direct oxidation of the test compounds by H2O2 was negligible over the time 

scale of this study.  

Control experiments for direct transformation of the test compounds and 

carbamazepine were conducted under similar experimental conditions in the absence of 

H2O2. The pseudo 1st-order rate constants for direct photolysis of carbamazepine and test 

compounds in the absence of H2O2 were less than 10% of the values observed in the 
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presence of H2O2 (Figure A.3). Due to the low molar absorptivity of MES and PIPES 

(Good et al. 1966, Taha et al. 2011), the contribution of direct photolysis to the overall 

phototransformation in the presence of H2O2 was neglected because the presence of H2O2 

was expected to further slowdown direct photolysis reactions due to competition for 

photons. Assuming that losses of the test compounds and carbamazepine were due only 

to reaction with •OH and direct photolysis, the following equation could be used to 

estimate the rate of reaction of a buffer compound with ●OH (𝑘Buffer,•OH): 

                              𝑙𝑛[
[𝐶𝑜𝑚𝑝𝑜𝑢𝑛𝑑]𝑡

[𝐶𝑜𝑚𝑝𝑜𝑢𝑛𝑑]0
] =

𝑘𝐶𝑜𝑚𝑝𝑜𝑢𝑛𝑑,•𝑂𝐻

𝑘𝑐𝑎𝑟𝑏𝑎𝑚𝑎𝑧𝑒𝑝𝑖𝑛𝑒,•𝑂𝐻
𝑙𝑛[

[𝐶𝑎𝑟𝑏𝑎𝑚𝑎𝑧𝑒𝑝𝑖𝑛𝑒]𝑡

[𝐶𝑎𝑟𝑏𝑎𝑚𝑎𝑧𝑒𝑝𝑖𝑛𝑒]0
]             (A.6) 

A.2.2 Analytical methods for detection of MES and PIPES 

100 μL of methanol and 10 μL of isotopically labeled internal standard was added 

to 1 mL of (diluted) samples right after sampling to quench any possible ●OH reactions 

that could consume buffers and carbamazepine. Additionally, 100 μL of 1 N H2SO4 was 

added to all MES-containing samples to obtain a good chromatography. 

MES and carbamazepine were separated using a 150 x 3 mm Synergi™ 4 µm 

Hydro-RP 80 Å column, eluted with at 0.4 mL min−1 methanol and 0.1% acetic acid in 

water with the following gradient: 0 minutes, 0% methanol; 2 minutes, 0% methanol; 8 

minutes, 60% methanol; 11 minutes, 95% methanol; 12 minutes, 95% methanol; 12.1 

minutes, 0% methanol; 18 minutes, 0% methanol. 

Pipes and carbamazepine were separated using a 4.6 mm X 150 mm Waters™ 

Symmetry C18 100Å, 3.5 µm column, eluted with at 0.4 mL min−1 methanol and 0.1% 

acetic acid in water with the following gradient: 0 minutes, 10% methanol; 3 minutes, 

10% methanol; 11 minutes, 95% methanol; 12 minutes, 95% methanol; 15 minutes, 10% 

methanol; 23 minutes, 10% methanol.  

Buffer compounds and carbamazepine were quantified in multiple reaction 

monitoring (MRM) mode with an Agilent 1260 series HPLC system coupled to a 6460 

triple quadrupole tandem mass spectrometer (HPLC-MS/MS) using electrospray 

ionization (ESI) with a 7-200 ms dwell time and a gas temperature of 350° C, a gas flow 

rate of 9 L/min at 45 psi, and a capillary voltage of 3600 V. Compound-specific 

parameters are given in Table A.3. 

Table A.3 Compound-specific mass spectroscopy parameters. 

Compound 
Precursor 

ion (amu) 

Product ion 

(amu) 

Fragmentor 

voltage (V) 

Collision 

energy (V) 

Ionization 

mode 

Carbamazepine 237 
194 

179 

120 

120 

15 

35 
Positive 

Carbamazepine-d10 247 204 120 20 Positive 

MES 196 196 92 0 Positive 

PIPES 303 303 92 0 Positive 
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Figure A.3 Natural logarithm of normalized concentration versus time for carbamazepine 

and (A) MES in the presence of H2O2 at pH 6, (B) PIPES in the presence of H2O2 at pH 

7, (C) MES in the absence of H2O2 at pH 6, and (D) PIPES in the absence of H2O2 at pH 

7. [Test compound]init. = 1.0 μM, [CBZ]init. = 0.5 μM, [H2O2]init. = 10 μM, [Phosphate 

buffer] = 100 μM. Error bars represent one standard deviation. 

A.2.3 Prediction of reaction rate between H2O2 and Fe(II) 

The rate of H2O2 transformation through the reaction with Fe(II)(aq) calculated 

by: 

                 𝑘𝐻2𝑂2 = (𝑘𝐹𝑒2+𝛼𝐹𝑒2+ + 𝑘𝐹𝑒𝑂𝐻+𝛼𝐹𝑒𝑂𝐻+ + 𝑘𝐹𝑒(𝑂𝐻)2° 𝛼𝐹𝑒(𝑂𝐻)2° )[Fe(II)]      (A.7) 

where, 𝑘Fe2+  = 76 M−1s−1, 𝑘FeOH+  = 6.3×106 s−1 M−1s−1, and 𝑘Fe(OH)2° = 7.9×109 M−1s−1 

(González-Davila et al. 2005, King and Farlow 2000, Walling 1975), and 𝛼𝑖 is the 

fraction of Fe(II) that exist in the form i and calculated based on: 

                                     Fe2+ + OH− = FeOH+      𝐿𝑜𝑔𝛽1 = 4.50                             (A.8) 

                                   Fe2+ + 2OH− = Fe(OH)0
°       𝐿𝑜𝑔𝛽2 = 7.43                          (A.9) 
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A.3 Factors affecting the yield of hydroxyl radical by electrochemical activation 

of H2O2 on stainless-steel electrodes 

A.3.1 Detection of ●OH scavengers and the associated oxidation products 

An aliquot of 1,10-phenanthroline (final concentration = 1 mM) was added to 

samples to quench the possible reaction between H2O2 and Fe(II).(Duesterberg et al. 

2005) Benzoate- and para-hydroxybenzoate-containing samples were acidified with 1 M 

H2SO4 (10% v/v) and the concentrations were determined by HPLC with an isocratic 

elution of 30% methanol and 70% formic acid water (0.1% v/v) using a 150 × 3 mm 

Synergi™ 4 µm Hydro-RP 80 Å column at a flow rate of 0.4 mL/min. Benzoate was 

quantified at 275 nm and para-hydroxybenzoate was quantified at 255 nm. 

Acetone, the oxidation product of 2-propanol, was derivatized using 2,4-

dinitrophenylhydrazine (DNPH) and determined by HPLC at wavelength of 365 nm with 

an isocratic elution of 70% acetonitrile and 30% formic acid water (0.1% v/v) using a 

Symmetry C18 Column, 100Å, 5 µm, 4.6 mm × 150 mm column at a flow rate of 1 

mL/min. 

For experiments conducted in the presence of 2-propanol, one additional peak 

besides acetone was observed (Figure A.4B). The additional peak (retention time = 2.9 

min) was confirmed as the peak of acetone transformation product by an experiment with 

10 mM acetone-amended electrolyte (Figure A.4C). The acetone transformation product 

was not quantifiable due to a lack of chemical standard.  

 
Figure A.4 Example chromatogram of (A) DNPH method for acetone detection, (B) 

10×diluted sample for the treatment of electrolyte containing 10 mM of 2-propanol at 120 

min, (C) 10×diluted sample for the treatment of 250 mM Na2SO4 electrolyte containing 

10 mM of acetone at 120 min, the electrolyte was buffered by 1 mM of PIPES buffer (pH 

7). Applied current on air-diffusion electrode = 16 mA, applied potential on stainless-

steel electrode = 0.02 V, recirculation rate = 70 mL/min. 
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A linear relationship was found between the peak area of the acetone 

transformation product and the amount of acetone that was transformed in an experiment 

conducted with a Na2SO4 electrolyte that containing 10 mM of acetone (Figure A.5A). 

Control experiments indicated no acetone contamination from laboratory air (data not 

shown). The amount of acetone that underwent transformation was calculated by 

subtracting the evaporation loss (Figure A.5B) from the total observed loss of acetone.  

The amount of acetone that underwent further transformation in the experiment 

depicted in Figure 4.12 was quantified using the peak area of the transformation product 

based on the linear relationship.  

 
Figure A.5 (A) Linear relation between the peak area of the acetone transformation 

product and the concentration of acetone that was transformed. Experimental condition: 

250 mM Na2SO4 buffered with 1 mM of PIPES buffer (pH 7), [acetone]0 = 10 mM. 

Applied current on air-diffusion electrode = 16 mA, applied potential on stainless-steel 

electrode = 0.02 V, recirculation rate = 70 mL/min. (B) Evaporation control for acetone 

in water, [acetone]0 = 10 mM. 

A.3.2 Estimation of the diffusion distance of ●OH 

The diffusion distance of ●OH in aqueous phase was estimated from the Einstein-

Smoluchowski equation, eq A.7: 
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                                                       𝐿 ~ √2𝐷𝑡                                                 (A.10)       

where L is the characteristic distance, D is the diffusion coefficient for ●OH radical, 

2×10-9 m2 s-1 (Kopinke 2020), and t is the diffusion time, calculated as the half-life of 
●OH radical: 

                                                      𝑡 =
𝑙𝑛2

𝑘𝑑𝑒𝑐𝑜𝑚𝑝.
                                               (A 11)  

                                               𝑘𝑑𝑐𝑜𝑚𝑝. = ∑𝑘•𝑂𝐻,𝑖[𝑖]                                     (A.12)   

where k•OH,i represents the rate constants of species i (carbamazepine, atrazine, H2O2, 

PIPES and benzoate) with ●OH. 
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A.3.3 Energy consumption of point-of-use UV/H2O2 process 

Table A.4 EEO values for UV/H2O2 processes at household scales. 

Reference Water type Contaminants Log removal 
[H2O2] 

(mg/L) 

EEO UV 

(kWh/m3) 

EEO H2O2 

(kWh/m3) 

EEO 

(kWh/m3) 

(Stacy 1994) Groundwater TCE=1675 µg/L 3.0 23 5.4 8.5 13.8 

  Benzene=252 µg/L 3.0 23 5.4 8.5 13.8 

  TCE=1675 µg/L 2.7 48 7.5 19.4 26.9 

  Benzene=252 µg/L 2.7 48 7.5 19.4 26.9 

  TCE=1675 µg/L 2.5 48 16.2 20.8 37.0 

  Benzene=252 µg/L 2.7 48 15.1 19.4 34.6 

(Safarzadeh-

Amiri 2001) 
Groundwater MTBE=100 mg/L 4.0 500 10.7 135.6 146.3 

   4.0 500 5.1 135.6 140.7 

   4.0 650 15.0 176.2 191.2 

   4.0 650 8.0 176.2 184.2 

(Hirvonen et 

al. 1998) 
Groundwater PCE=200 µg/L 2.0 27 0.5 14.6 15.1 

(Müller 1998) Groundwater CHC 2.0 100 1.0 54.2 55.2 

 Groundwater PAH 1.3 800 6.1 666.9 673.0 

 Groundwater Atrazine 0.5 2 0.2 3.1 3.3 

(Giggy 1993) Groundwater 
4-methylphenol=476 

µg/L 
1.5 60 2.4 42.7 45.1 

(Toor and 

Mohseni 

2007) 

Surface water DBP 0.2 23  102.2 >102.18 

(Müller 1998) Drinking water Atrazine 1.0 10 1.7 10.8 12.5 

(Giggy 1993) Industrial effluent 
DMSO=1500 mg/L, 

Acyrlnitrile=48 mg/L 
1.7 540 15.4 344.7 360.1 

(Cater et al. 

2000) 
Toronto municipal 

drinking water 

MTBE = 100 μg/L 1.7 30 0.2 19.2 19.3 

 MTBE = 1000 μg/L 2.8 30 0.3 11.5 11.8 

  MTBE = 10000 μg/L 3.2 30 1.4 10.1 11.5 

  MTBE = 100000 μg/L 0.6 30 7.5 57.4 64.9 
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Table A.4 Continued. 

Reference Water type Contaminants Log removal 
[H2O2] 

(mg/L) 

EEO UV 

(kWh/m3) 

EEO H2O2 

(kWh/m3) 

EEO 

(kWh/m3) 

(Katsoyiannis 

et al. 2011) 
Dübendorf wastewater 

effluent 

pCBA 1.0 7 0.6 7.4 7.9 

  1.0 34 0.7 36.9 37.6 

   1.0 170 1.8 184.4 186.2 

 Lake Zürich water SMX = 0.5 μM 1.0 7 0.4 7.4 7.8 

   1.0 7 0.2 7.4 7.5 

   1.0 7 0.1 7.4 7.5 

  pCBA= 0.5 μM 1.0 7 0.8 7.4 8.1 

   1.0 7 0.2 7.4 7.6 

   1.0 7 0.2 7.4 7.5 

  ATR= 0.5 μM 1.0 7 1.0 7.4 8.4 

   1.0 7 0.3 7.4 7.7 

   1.0 7 0.2 7.4 7.6 

  NDMA= 0.5 μM 1.0 7 1.6 7.4 9.0 

   1.0 7 0.4 7.4 7.8 

   1.0 7 0.3 7.4 7.7 

 

 

 

 

 
 




