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ABSTRACT

This study examines a new method of producing hydrogen peroxide (H2O2) from water using carbon

materials as anodes. Optimization of various parameters such as current density, electrolyte con-

centration, and pH was done to achieve high selectivity of water oxidation to H2O2. Sodium silicate

(Na2SiO3) was found to significantly increase H2O2 production at high pH levels. A correlation be-

tween the activity of CO3
2− ions and the increase in H2O2 production was observed in the study,

leading to the proposal of a cyclic mechanism involving CO3
2− ions for H2O2 production. The study

also presents a process for producing H2O2 in continuous flow at high current densities, achieving

the highest-ever reported H2O2 production rate. The use of bipolar plates as a low-cost and stable

electrode for generating H2O2 was also investigated. Commercially available carbon electrode ma-

terials can selectively oxidize water to H2O2, which could have economically viable applications, as

demonstrated in this study.
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1. INTRODUCTION

Fossil fuels have played a pivotal role in progressing society throughout the Industrial Revolution and

still dominate the global energy market [1]. During development, humans have exploited natural

resources, including fossil fuels [2]. The 20th century saw a rise in the dependence on fossil fuels

due to technological advancements, urbanization, and transportation needs[3]. By 2040, the world’s

population is projected to reach 9.2 billion [4]. During the same period, global GDP is projected to

double compared to the current situation [5]. High economic growth means rising living standards

for people everywhere, as well as the expansion of the middle class in every country. Compared to

2015, population growth, GDP growth, and income growth will increase energy demand by about

25% in 2040 from 97 to 126 billion barrels, equivalent to North America and Latin America’s current

oil consumption [5].

To fulfill such demand, fossil fuels such as crude oil will remain at the top in terms of consumption

[5][6][7]. With the increase in the expected demand, it will be challenging to meet the needs as fossil

fuel reserves are depleting [7]. Considering the finite nature of these natural resources, it will result

in higher prices, which will significantly impact the global economy. Besides their depletion, these

fossil fuels also carry harmful environmental hazards [8]. In the past few decades, fossil fuel usage

has contributed significantly to global climate change due to releasing carbon dioxide (CO2) into the

atmosphere [8]. Various estimates exist about how long fossil fuel reserves will last, but it is widely

agreed that fossil fuels should not provide the majority of energy if we want to maintain the present

level of CO2 [9][10].

In December 2015, the Paris Agreement pledged to limit the average global temperature rise to

below 1.5°C compared to pre-industrial levels [8][11]. In order to achieve that goal, greenhouse gas

emissions must be drastically reduced. As long as fossil fuels like oil, coal, and natural gas are used

as the primary feedstock for energy supply and the chemical industry, the targeted CO2 emissions

reduction cannot be met. A transition from fossil fuel-based energy resources to renewable ones is

thus necessary. At the same time, renewable electricity generation is increasing, and the total share

is projected to increase by 60% by 2026 compared to 2020 levels [12]. Future electricity generation
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is expected to comprise a renewable share of 68% in 2030 and 86% percent in 2040 [13]. The enor-

mous increase in the production of renewable energy and the corresponding decrease in production

costs, with renewable energy now becoming cost-competitive with conventional electricity genera-

tion [14]. This cost-competitiveness has opened the door for new possibilities for using renewable

electricity, one example being the “electrification” of the chemical industry [15]. This can be done

by electrochemical conversion of abundant raw materials into valuable chemical products using re-

newable electricity, thus utilizing the electric energy to upgrade the chemicals [16]. This gives the

advantage of using surplus electricity, which conventionally is stored in batteries [17].

With this backdrop, sustainable thinking and actions have been spreading to the chemical industry.

New technologies and processes must meet the highest sustainability standards. A strategic goal will

be to replace fossil-based production routes with new and innovative synthesis strategies within the

next decade [18]. Electrochemical processes powered by renewable energy sources like windmills and

photovoltaic system could provide an important chemical feed streams through “electrified” synthetic

process [19]. One example is the production of hydrogen peroxide (H2O2), industrially produced via

the fossil-based anthraquinone autooxidation (AO) process, which has several ecological drawbacks

and can be substituted via the electrochemical process [20]. H2O2 can be synthesized electrochemi-

cally from renewable electricity via either reduction or oxidation of naturally abundant educts such

as O2 and H2O. Therefore, an alternate “green” route for H2O2 synthesis is promising compared to

the fossil-based AO process. This introduction discusses alternative methods to produce H2O2 based

on literature and future research perspectives followed by a brief summary of current industrial pro-

cesses.

1.1 Hydrogen peroxide

H2O2 is a colorless and odorless pale blue liquid, which is slightly more viscous than water in its

pure form. It has a strong oxidizing capacity and considered to be a “green” oxidant as it releases

only H2O and O2, as by-products [21]. As a green energy carrier, H2O2 is also capable of releasing

96 kJ mol−1 of energy when it decomposes into H2O and O2 [22]. A solution of 70 wt.% H2O2 has

an energy density of 0.75 kWh L−1, which is comparable to that of compressed H2 gas at 350 bar

[23]. Moreover, it has no severe toxicity and is noncorrosive [24]. At the same time, it is an unstable

compound, which slowly decomposes in presence of light, heat as well as metal impurities such as

iron, manganese, etc. Some of the properties of H2O2 are listed in Table 1.1. The H2O2 molecule

shows an angled non-planar structure due to the repulsion of the hydrogen atom from the unpaired

electrons of O atom.
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Tab. 1.1 : Physical properties of H2O2.

Chemical Structure
CAS number 7722-84-1

Chemical formula H2O2

Molar mass 34.015 g mol−1

Density 1.45 g cm−3

Melting point -0.43°C
Boiling point 150.2°C
Other names Dihydrogen dioxide, hydrogen dioxide, hydrogen oxide, oxydol, peroxide

1.2 H2O2 – Application

H2O2 is a strong oxidizing agent with a broad range of applications. A major use of H2O2 is in

the hydrogen peroxide to propylene oxide (HPPO) process, pulp and paper industry, and bleaching

in textile industry [24][25][26]. Additionally, it is widely used in chemical syntheses, wastewater

management, and disinfection [20]. H2O2 can effectively kill bacteria, fungi, viruses, and spores

[27]. Other sectors where peroxide has emerged as an effective component are for the production

of semiconductors (cleaning silicon wafers in the manufacture of printed circuit boards), agriculture

(soil disinfectant), pharmaceutical and healthcare, as well as potential use as an energy source for

H2O2 fuel cells [25][28]. In 1880, the first industrial plants producing H2O2 generated around 2000

tons per year, but both demand and production have since exploded [29]. The world’s annual H2O2

production increased by a factor of four from 1990 to 2015 and is predicted to grow further. As of

2020, the market value of H2O2 was estimated at $4 billion and is predicted to grow to $5.2 billion

by 2026 [30]. Due to its vast area of use, it is also considered as top 100 important chemicals in the

world [31].

1.3 Industrial production

H2O2 was first discovered in 1818 by Louis-Jacques Thénard by reacting barium peroxide and hy-

drochloric acid (Equation 1.1) [32]. The first industrial production of H2O2 based on the reaction

of BaO2 and HNO3 was implemented in 1873 [20]. This was followed by development of the elec-

trosynthesis of H2O2 from O2 using Hg–Au electrode in the year 1887, however, H2O2 concentration
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produced was low [20][32].

BaO2 + 2HCl −−→ H2O2 + BaCl2 (1.1)

The anthraquinone auto-oxidation (AO) process described by H.J. Riedl and G. Pfleiderer in 1935,

still dominates H2O2 production, with 95% of the world’s annual production capacity [33]. This takes

place on a relatively large scale with the capacity to produce tens of thousands of gallons per day

[34]. The AO process involves remarkable risks associated with hydrogenation and oxidation reac-

tions under high H2O2 pressure, and requires expensive Pd-based catalysts [34]. In the AO process,

2-alkylanthraquinone is hydrogenated to anthrahydroquinone on a Pd catalyst, which is further ox-

idized with O2 in a separate chamber to re-produce alkylanthraquinone and an equimolar amount

of H2O2 (Figure 1.1a, b) [24]. However, this process has a side reaction during the hydrogenation

of the unsubstituted aromatic ring of alkylanthraquinone to 5,6,7,8-tetrahydroanthrahydroquinone,

and thus requires additional steps of regeneration and separation of organic waste (Figure 1.1 b,c)

[24]. The produced H2O2 is extracted from the organic solution using water, which is further puri-

fied and concentrated (up to 70 wt.%) and transported in large volumes [24]. Such a large volume of

highly concentrated H2O2 is potentially explosive and causes storage and transport risks. Shipping

H2O2 in lower concentrations presents the disadvantage of moving mainly water, thus negatively af-

fecting carbon footprint and economic viability of the product. Aside from being costly, AO process

requires a significant energy input (up to 17.6 kWh kg−1) and cannot be implemented at the point of

use [20][35]. Thus, a portable device for decentralized, on-demand H2O2 production, relying solely

on water, air, and (renewable) electricity as inputs, offers a desirable local and “green” solution for

H2O2 delivery where it is needed [36].
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Fig. 1.1 : Anthraquinone autooxidation process. (a) Reaction mechanism and (b) steps involved in the pro-
duction of hydrogen peroxide via anthraquinone process. (c) Side reaction during the anthraquinone autooxidation
process.

H2O2 can also be prepared via the direct synthesis using H2 and O2 as described by H. Henkel and

W. Weber in 1914 [32]. H2 and O2 are reacted in a pressurized vessel along with water using catalysts

such as Pd, Pt, Ni, etc in a single step, without phase transfer or distillation process. However, this

process has several disadvantages, mainly related to safety concerns due to the explosive mixture of

H2 and O2 [20]. As a result, the mixture of H2 and O2 must be diluted with inert gases such as N2 and

CO2 to operate below the explosive limit, which limits the productivity of the whole process [36].

In addition, this pathway forms water as a side product, and H2O2 decomposes during synthesis.

As such, developing an alternate route, suitable for application in decentralized (small-scale and on-

demand) production to produce H2O2 is highly relevant from a scientific and economic perspective

[37].

1.4 Electrochemical pathway

An alternative way of producing H2O2 is via electrolysis for on-site and on-demand H2O2 production,

avoiding risks related to storage and transport of highly concentrated H2O2 [38]. As electrochemical

method is electricity-driven, it offers the potential for sustainable H2O2 production, provided that
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only renewal electricity is utilized [16]. There are two approaches for the electrochemical synthesis

of H2O2. One pathway is the partial reduction of O2 as cathodic half-cell reaction, featuring either

noble metal alloys such as Pd[39] and Pd-Au [40][41] or doped carbon [42] as electrocatalysts, shown

in Equation 1.2. This reaction takes place with relatively high selectivity of up to 96% [40][43],

with maximum productivity of up to 4330 mmol gcat−1 h−1 has been reported for a Co–N–C catalyst

[44]. The maximum H2O2 concentration achieved so far via the cathodic process is up to 20 wt.%

H2O2 solution using a solid electrolyte setup [45][46]. Conductive polymers are commonly utilized

as solid electrolytes in chemical processes to obtain pure products that are free of any salt impurities

[45]. With this exception, the concentration of H2O2 produced through electrochemical methods is

generally lower in comparison to the concentrations achievable through the currently employed AO

process.

O2 + 2H+ + 2 e− −−→ H2O2 E0 = 0.670V vs. SHE (1.2)

Another possible route to electrochemically produce H2O2 is through the 2e− oxidation of water

(water oxidation reaction, WOR, Equation 1.3). Compared to 2e− ORR (Equation 1.2), 2e− WOR

does not rely on the gas-phase reactant and provides a new method for electrochemically producing

H2O2 [47]. The competing 4e− WOR to O2 is thermodynamically favorable, however is an econom-

ically insignificant half-cell reaction and utilizes expensive and critical electrode materials such as

iridium (Equation 1.4) [48]. Achieving selectivity is a key challenge in electrochemical H2O2 pro-

duction. High potentials that convert H2O to H2O2 can also produce O2 or further oxidize/decompose

H2O2 to O2, thus reducing the efficiency (Equation 1.3-1.5). Consequently, an optimal electrocata-

lyst that exhibits high selectivity towards the production of H2O2 is essential.

The 2e− WOR to H2O2 process is assumed to be a valuable supplement reaction at the anode since

it can be coupled with the cathodic half-cell reaction to generate value-added products, which con-

sequently enhances the overall efficiency of the whole production process. The cathodic half-cell

reaction includes, the hydrogen evolution reaction (HER), cathodic production of H2O2 via oxygen

reduction reaction (ORR), and CO2 reduction reaction (CO2RR), thus enabling productive utilization

of both half-cell reactions.

2H2O −−⇀↽−− H2O2 + 2H+ + 2 e− E0 = 1.760V vs. SHE (1.3)

H2O −−⇀↽−− O2 + 4H+ + 4 e− E0 = 1.229V vs. SHE (1.4)

H2O2 −−⇀↽−− O2 + 2H+ + 2 e− E0 = 0.680V vs. SHE (1.5)
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The anodic production of H2O2 has gained massive interest in the last years [20]. Using a carbon

catalyst in sodium hydroxide (NaOH) electrolyte, 2e- WOR was first reported in 2004 for producing

H2O2 [49]. This was followed by a series of studies performed using metal oxides as electrocatalysts

[50][51][52][53][54][55][56][57][58][59]. One of the first studies on WOR using metal oxides was

performed with MnOx catalyst in a butylammonium sulfate (BAS)/base mixture (1.0 mol L−1) with

FE reaching up to 100% [50]. However, FE decreases as the pH increases due to the decomposition of

H2O2, resulting in the generation of O2. Additionally, applying potentials above 1.2 V vs. Ag/AgCl

causes a decrease in the FE due to the O2 evolution reaction competing at higher potentials and

further oxidation of H2O2 [60][61].

Various electrode materials based on metal oxides, including BiVO4, CaSnO3, ZnO, WO3, SnO2,

and TiO2, which have been reported as active in the anodic synthesis of H2O2 [52][54][57][62].

Siahrostami et al.[62] presented a selectivity diagram regarding the properties of the catalysts that

determine selectivity toward the one, two, and four-electron processes leading to OH radical, H2O2,

and O2 as products (Figure 1.2). Blue, green, and red highlighted colors indicate regions in which

O2, H2O2, or OH radical are expected to be the primary product, respectively, in terms of purely

thermodynamic constraints. The selectivity diagram shows that IrO2, RhO2, and PtO2 are thermody-

namically located in the selectivity region for O2 evolution, whereas WO3, BiVO4, and SnO2 produce

H2O2 and are well into the green region. On the other hand, TiO2, which is known to form both OH

radical and H2O2, is close to the border between those two species. MnO2 is close to the edge of four

electron oxidation (blue zone), where both O2 and H2O2 may be produced. The selectivity diagram

can be used to identify leads for new H2O2 production catalysts [55]. Based on the study, several

promising candidate materials for catalysts selective towards H2O2 electrosynthesis have been iden-

tified, with BiVO4 appearing to offer the best selectivity.

Fig. 1.2 : Phase diagram of different metal oxides in terms of their binding energies with the reaction intermediates
O∗ vs. OH∗. Reprinted with permission from reference [62]. Copyright 2017 American Chemical Society.
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Likewise, Shi et al.[52] utilized density functional theory calculations to anticipate activity trends

for water oxidation resulting in H2O2 production on four different metal oxides: WO3, SnO2, TiO2,

and BiVO4. Their theoretical predictions were subsequently corroborated by experimental observa-

tions, where they determined that BiVO4 exhibited the highest amount of H2O2 generation among

these oxides, with a FE of approximately 98%.

Fuku et al.[51] investigated the effect of surface modification of a fluorine-doped tin oxide (FTO)

substrate as an anode with various metal oxides (BiVO4 and WO3) for effective oxidative production

and accumulation of H2O2. The metal oxides employed to generate H2O2 electrochemically enable

high faradaic efficiencies (up to 80%), yet the achieved current densities (0.1 to 15 mA cm−2) and

concentrations of H2O2 are relatively low with respect to future industrial applications, where high

current densities are desirable to scale up the electrochemical process. In order to produce the same

quantity of H2O2, either a high current density or a larger electrode area is required. However, in-

creasing the electrode area results in a significant increase in capital expenditure [30]. Therefore, it is

essential to investigate electrode materials that can operate at current densities that are continuously

relevant to industrial conditions (>100 mA cm−2).

Another class of materials used for 2e− WOR is carbonaceous materials, which have been explored

at current densities higher than 100 mA cm−2. The anodic generation of H2O2 has been reported

in 1 mol L−1 HClO4 solutions at high current densities of 23 to 160 mA cm−2 using highly active

boron-doped diamond (BDD) electrodes [63]. The concentration of H2O2 can range from 0.3 up to 1

mmol L−1, with a concentration plateau at different maxima depending on the applied current density

[64]. More recently, carbon-based materials, such as carbon fiber paper [21] and BDD [65], have

shown exceptional performance for the anodic synthesis of H2O2, reaching a maximum production

rate of 23.4 µmol min–1 cm–2, which shows the potential of carbonaceous materials as electrodes to

produce H2O2 [21]. A literature comparison of most recent studies on 2e- water oxidation to H2O2 is

summarized in Table 1.2.
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Tab. 1.2 : A comparison of the reported work on 2e− WOR to H2O2.

Electrode Electrolyte pH [H2O2]max Conditions∗ Production

rate

Peak

FE

Ref.

mmol L−1 j/E t EA VA µmol min−1

cm−2

%

PTFE/CFP
1 M Na2CO3

12 3 100 420 0.36 25 23.4 66 [21]

BDD/Nb 11.9 - 39.8 10 1.13 8.5 3.9 31.7 [30]

BDD/Ti

2 M KHCO3

8
∼16 120

5 7.4 25
∼8 28

[65]
29 295 19.7 ∼22

CaSnO3/FTO

8.3

- 3.2V 10
- 30

∼4.6 76
[54]

∼0.9 2.2V 720 - -

BiVO4/FTO

1 M NaHCO3 -

3.3V

- 1 20

5.7 70

[52]
WO3/FTO - 2.7V 0.57 48

TiO2/FTO - 3.7V 1.01 19

SnO2/FTO - 3.3V 1.53 50

*j: Current density (mA cm−2), E: Potential applied (V vs. RHE), t: Time (minutes), EA: Electrode area (cm2), VA:

Volume of anolyte (mL)

Additionally, the electrochemical oxidation of water to H2O2 is not only influenced by the choice of

electrode, but also by other parameters, including electrolyte type, concentration, pH, etc. Izgorodin

et al.[50] observed H2O2 accumulation in butylammonium sulfate (BAS) electrolyte, however, no

H2O2 was detected when BAS was replaced by NaOH [66]. Moreover, the same group observed the

best performance in terms of FE for a pH regime between 10.0 and 10.4 in BAS electrolyte. Like-

wise, Fuku et al.[51] investigated different electrolytes and observed that KHCO3 is the most suitable

electrolyte for producing H2O2, with maximum H2O2 concentration and FE of 30%. This could be

explained because various percarbonate species, such as HCO4
− and C2O6

2− can be generated by

the oxidation of HCO3
− at high potentials. Such species quickly hydrolyze in aqueous solutions, de-

composing into HCO3
− and H2O2 because of the instability of percarbonate, providing an additional

synthetic route to H2O2 [51]. 2 mol L−1 KHCO3 has been thus widely used for WOR to H2O2 as a

standard electrolyte [51][65][67]. Fuku et al. also observed that H2O2 was generated in an aqueous

phosphate buffer through the creation of peroxymonophosphate (HPO5
2−), which then undergoes a

conversion to H2O2.
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1.5 Objectives of this work

Despite the studies that have been conducted on the electrochemical synthesis of H2O2 via anodic

WOR, several important questions remain to be addressed before this technology can be industrially

applied. The most suitable choice of anode material has yet to be identified. Various metal oxides

and carbonaceous materials are attracting significant attention, however, it remains to be determined

whether these materials can also perform the same at higher current densities. Additionally, it is

unclear which specific electrolyte conditions are optimal for increasing H2O2 production. Lastly,

while the electrochemical process for producing H2O2 is still being developed, it remains to be seen

whether it will be able to compete with established industrial processes. Based on the unresolved

questions discussed above, the following objectives have been established for the current doctoral

thesis research.

1. Investigation of known electrocatalysts at high current densities to achieve high con-

centrations of H2O2

The primary objective of this thesis is to achieve high concentrations of H2O2 through 2e− WOR at

industrially relevant conditions and high production rates. Previous studies have investigated differ-

ent metal oxides as active electrocatalysts for the 2e− oxidation of water to H2O2 at current densities

up to 15 mA cm−2. To study the performance of these metal catalysts at higher current densities, this

present work aims at examining the performance of a series of metal oxides, such as BiVO4, SnO2,

WO3, MnOx, and TiO2, for the anodic oxidation of water to H2O2.

2. Development of a system with optimized electrolyte composition for maximal H2O2

productivity using commercially available carbon materials

To achieve high concentrations of H2O2, extensive optimization of electrolyte conditions, including

pH, concentration, etc., has to be studied to understand the role of electrolytes for anodic H2O2.

This objective aims to develop a system that can achieve maximal H2O2 productivity by finding the

optimal composition of electrolyte that can be used with commercial carbon materials.

3. Utilization of the optimized conditions for continuous production of H2O2

The goal of this work is to use the conditions that have been previously optimized for the anodic

production of H2O2 in a continuous flow process. In this research, the optimized conditions have to

be adapted and used with the highly active BDD electrode to produce high concentrations of H2O2

in a scalable and continuous flow process.
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4. Exploration of the possibility of using an inexpensive electrode material that is active

towards H2O2 generation.

Despite their high activity towards H2O2 production, BDD electrodes typically consist of a thin coat-

ing on a metal substrate, such as niobium or tantalum, making them highly expensive. To make

the production more cost-effective, alternative low-cost bipolar plates (BPP) have been explored as

a means of increasing H2O2 production from water while keeping the cost low. The objective is to

investigate the possibility of using an inexpensive electrode material that is active towards H2O2

generation.



2. MATERIALS AND METHODS

2.1 Materials

Tab. 2.1 : List of chemicals used in this study. All chemicals in this study were used as received.

Chemical/Enzyme/Reagent Composition Supplier Product code

Potassium hydrogen carbonate KHCO3, 99.5% Sigma Aldrich 60339

Potassium carbonate K2CO3, ReagentPlus®, 99 % Sigma Aldrich 209619

Titanium (IV) oxysulfate TiOSO4,≥ 29% Ti (as TiO2 ) basis, technical Sigma Aldrich 14023

Sodium metasilicate Na2O3Si Sigma Aldrich 307815

Potassium hydroxide KOH, ≥ 99%, beads Carl Roth 9356

Hexadecyltrimethylammonium bromide CTAB, BioXtra, ≥99% Sigma Aldrich H9151

Nitric acid HNO3, 65% Merck 100456

Sodium orthovanadate Na3O4V, 99.9% Alfa Aesar 81104

n-heptane H3C(CH2)5CH3, ≥ 99% Carl Roth 8654

1-hexanol CH3(CH2)5OH , anhydrous, ≥ 99% Sigma Aldrich 471402

Bismuth(III) nitrate pentahydrate Bi(NO3)3 · xH2O, 99.999% (metals basis) Sigma Aldrich 254150

Ethanol EtOH ≥99.8% absolute Carl Roth 9065

Tin chloride dihydrate SnCl2 · 2H2O, 99.99% Sigma Aldrich 431508

Titanium isopropoxide Ti[OCH(CH3)2]4 Sigma Aldrich 377996

Ethylene glycol C2H6O2 anhydrous, 99.9% Sigma Aldrich 324558

Citric acid HOC(COOH)(CH2COOH)2, 99% Sigma Aldrich C0759

Manganese(II)nitrate tetrahydrate Mn(NO3)2 · 4H2O Sigma Aldrich M4519

Sodium carbonate Na2CO3 , ≥99.5%, ACS, anhydrous Carl Roth A135

Hydrochloric acid HCl Carl Roth 6792

Sodium tungstate dihydrate Na2WO4 · 2H2O, BioUltra, ≥99.0% (T) Sigma Aldrich 72069

Potassium permanganate KMnO4,99.0-100.5%, NORMAPUR® VWR 26910

Sulfuric acid H2SO4, 96% Solution in Water Fischer Scientific 133610026

Ruthenium oxide RuO2, 99.99% trace metals basis Sigma Aldrich 238058

Nafion® 117 solution 5 wt% Sigma Aldrich 70160

Horseradish peroxidase HRP Sigma Aldrich P6782

2,2’-azino-bis(3-ethylbenzothiazoline-6-sulfonic acid) ABTS Sigma Aldrich A1888
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Tab. 2.2 : List of consumables used in this study.

Consumable Supplier Product code

Carbon cloth Quintech W1S1005

Carbon fiber paper Quintech TP-060

Gas diffusion layer Quintech H23C9

Glassy carbon rod Metrohm 61247000

Carbon felt Alfa Aesar 43200

DIACHEM®Boron doped diamond on Silicon Condias DIACHEM®BDD/Si

DIACHEM®Boron doped diamond on Tantalum Condias DIACHEM®BDD/Ta

Sigracell® Bipolar plates SGL Carbon TF6

Sigracell® Bipolar plates SGL Carbon PV15

Sigracell® Bipolar plates SGL Carbon FR10

Copper plate Advent Research Materials Ltd. CU130839

Ti/Ir Mesh - -

Nafion® 117 membrane Ion Power -

Fumasep cation exchange membrane Fumatech FLK-PK-130

Ag/AgCl reference electrode (3.5 mol L−1 KCl) eDAQ ET072-1

Microflow cell Electrocell MFC30009V3

H-cell Gassner GmbH -
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Tab. 2.3 : List of devices used in this study.

Device Supplier Model

Conductometer VWR pHenomenal® CO 3100 H

pH meter VWR pH 3210

Spectrophotometer Shimadzu UV-1800

Strip reader Macherey-Nagel Quantofix Relax

Peristaltic pump Watson-Marlow -

Potentiostat Autolab PGSTAT128N

Scanning electron microscope Carl Zeiss DSM 940 A

Thermogravimetric analyser Linseis TG 1000

X-ray diffractometer Rigaku MiniFlex 600

Centrifuge Beckmann Coulter GmbH Avanti J-E

Heat plate and magnetic stirrer Heidolph 505-30000-00-3

Muffel Oven Nabertherm -

Sonicator VWR USC-TH

Balance 1 Ohaus -

Balance 2 Ohaus Discovery

Milli Q Ultrapure system Merck Elix

Ice Machine Ziegra 151148

Tab. 2.4 : List of softwares used in this study.

Software Supplier Purpose

Word Microsoft Text processing

Excel Microsoft Data plotting and analysis

Origin OriginLab Corporation Data plotting and analysis

ChemDraw PerkinElmer Chemical drawing tool

Nova Metrohm Autolab Data collection and control

Inkscape Inkscape Image editing software

ImageJ National Institutes of Health Image processing program

Endnote Clarivate Analytics Referencing

Rigaku PDXL Rigaku XRD analysis

Herein, the synthesis of the materials, catalyst immobilization, and detection method are described

as a part of Section 3.1. The material and methods used in Section 3.2 to 3.4 are described in

respective chapters.
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2.2 Synthesis of metal oxides

Different metal oxides have been reported to be active towards 2e− WOR to H2O2. These metal oxides

are BiVO4, SnO2, TiO2, MnOx, and WO3. These metal oxides were synthesized and used as catalysts

for WOR to produce H2O2. All oxides were synthesized and characterized prior to electrochemical

investigation. The characterization and the results of electrochemical investigation of these materials

are discussed in Section 3.1. The metal oxides were prepared by the following methods.

2.2.1 Hydrothermal synthesis of bismuth vanadate (BiVO4)

BiVO4 was prepared via the hydrothermal method by dissolving 0.74 g hexadecyltrimethylammonium

bromide in 25 mL of acidic solution (HNO3, 2 mol L−1) of sodium orthovanadate [68]. The solution

was stirred for 10 minutes, followed by adding 10 mL of n-heptane and 2 mL of 1-hexanol to obtain a

yellow emulsion. The solution was then stirred for 1 hour before adding 1 mL of an acidic solution (2

mol L−1 HNO3) of bismuth(III) nitrate pentahydrate dropwise to the vanadate solution. After stirring

for 30 minutes, the suspension was transferred to a stainless-steel autoclave and heated at 433 K for

48 hours. The obtained product was centrifuged and washed several times with deionized water and

ethanol and dried in air at 373 K.

2.2.2 Polymeric precursor method (PPM) for tin oxide (SnO2) and titanium oxide (TiO2)

SnO2 and TiO2 were prepared using the polymeric precursor method [69][70]. Metallic citrate was

obtained by adding 0.01 mol of tin chloride dihydrate for SnO2 or titanium isopropoxide for TiO2 in

100 mL aqueous citric acid solution, keeping a molar ratio of 1: 6 (metal: citric acid) at 333 K. The

system was kept under constant stirring until its complete dissolution. Afterward, the temperature

was increased to 353 K, and a known quantity of ethylene glycol corresponding to a mass ratio of 60:

40 (ethylene glycol: citric acid) was added to this solution. At this temperature, a polyesterification

reaction occurs, producing a polymeric resin.

The crystalline SnO2 and TiO2 powder were obtained after different calcination stages. In the first

step, called the pre-calcination, the polymeric resin was heated at 623 K for 4 hours using a heat rate

of 283 K min−1. This was done to eliminate a large amount of organic material, such as citric acid

and ethylene glycol, used in the synthesis. The second step involved heat treatment for obtaining

a crystalline phase for SnO2 and TiO2. The resulting material was manually de-agglomerated in an

agate mortar and further heat-treated in an oven at 1073 K for 2 hours at a heating rate of 278 K

min−1.
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2.2.3 Coprecipitation of MnOx

Manganese oxide was prepared via a hydroxycarbonate precursor that was generated by precipitating

manganese(II) nitrate tetrahydrate with sodium carbonate. The precipitation was performed in an

automated LABMAX® system that allows controlling of reaction parameters (temperature, dosing

rate of reactants, stirring) which ensures reproducible synthesis. In a typical procedure, 0.2 mol L−1

Mn(NO3)2 and 1.6 mol L−1 Na2CO3 were dosed in the reactor filled up with 1.5 L deionized water.

The precipitation was carried out at pH intervals between 5.2 and 7 and a temperature at 333 K. After

the dosing, the resulting suspension was aged in the mother liquor at 333 K for 2 hours. During

the aging period, the color of the precipitate turned light brown, signaling partial decomposition of

hydroxycarbonate to an oxide. At the end of aging, the suspension was cooled down. The precipitate

was filtered off, washed with distilled water, dried at 378 K overnight, and calcined in a muffle furnace

at 593 K.

2.2.4 Hydrothermal synthesis of tungsten oxide (WO3)

30 mL of a 3 mol L−1 hydrochloric acid solution was slowly added to 30 mL of a 0.125 mol L−1 aqueous

sodium tungstate dihydrate solution using a funnel [71]. After stirring for one hour, the yellow

precipitate of tungstic acid (H2WO4) was separated using a centrifuge (3000 rpm for 10 minutes). The

solid obtained was then transferred to a 100 mL autoclave and 60 mL of distilled H2O. The autoclave

was closed and placed at 453 K for 16 hours in the oven. After 16 hours, the autoclave was cooled

down, and the final product was separated using a centrifuge (3000 rpm, 60 min). The final precipitate

was washed with 60 mL of distilled water, separated by centrifugation, and dried under vacuum.

2.3 Electrode Preparation (Metal Oxide Immobilization)

The metal oxide nanoparticles were first made into an ink by sonicating 5 mg of the catalyst (BiVO4,

SnO2, WO3, MnOx, TiO2, and RuO2) with 200 µL of deionized water, 7.6 µL of Nafion® 117 solution

and 192.6 µL of isopropyl alcohol, for 30 minutes, followed by the coating of the ink onto a 1 x 1 cm2

carbon paper via drop-casting method on a heating plate at 333 K and stored overnight [72]. The

back side of the electrode was covered with a scotch tape. The geometric area of the anode used was

1 cm2, and the catalyst loading was 5 mg cm−2.
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2.4 Electrode Characterization

2.4.1 Scanning Electron Microscopy (SEM)

The morphology of the oxides and electrode materials were investigated using scanning electron

microscopy (SEM) at 20 kV and 6 mm working distance. A double-sided scotch tape was used to

attach the sample to the sample holder. The surface was qualitatively revealed in SEM images. The

thickness of each carbon material was measured with ImageJ from at least 10 different areas of an

SEM image.

2.4.2 X-Ray Diffraction (XRD)

X-ray diffraction (XRD) patterns were obtained using a Rigaku MiniFlex 600 diffractometer, with Cu

Kα radiation with a wavelength λ of 0.154 nm and a silicon strip detector D/teX Ultra and were

operated at 40 kV and 15 mA. The analysis was conducted in the 2θ range from 3o to 100o with a

scanning rate of 0.1o min-1. The measurements were analyzed using the Rigaku PDXL software, and

the data were compared with the Crystallography Open Database (COD).

2.4.3 Thermogravimetric measurements

Thermogravimetric measurements were performed in a Linseis Thermogravimetric analyser, TG 1000.

All measurements were recorded from 293 to 1173 K, using a heating rate of 278 K min−1 under air

atmosphere.

2.5 Hydrogen Peroxide Quantification

The analytic quantification of H2O2 in an electrochemical system can be influenced by the type of

electrolyte, pH, and other interfering species generated at the electrode. Therefore we used two

methods to detect H2O2: detection strips and an enzymatic ABTS assay.

2.5.1 Detection Strips

H2O2 concentration was determined by Quantofix 100 detection strips which turns blue in the pres-

ence of H2O2 (Figure 2.1) [73]. Color intensity is measured photometrically by the Quantofix relax

strip reader.
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Fig. 2.1 : Quantofix® detection strips for H2O2 quantification.

2.5.2 ABTS Assay

An ABTS assay, where 2,2’-azino-bis(3-ethylbenzothiazoline-6-sulfonic acid) is used, provides more

accurate H2O2 concentration estimates, especially for lower concentrations (as low as 1 µM). The

one-electron oxidation of ABTS into ABTS+ by H2O2 is catalyzed by horseradish peroxidase (HRP),

as shown in Equation 2.1;

(2.1)

The reagents needed for the assay were first prepared fresh; 2 mmol L−1 ABTS (in 0.1 mol L−1

potassium phosphate buffer, KPi, pH 5.0) and 5 mg L−1 horseradish peroxidase (HRP). The ABTS

assay was performed as follows: a 1 mL ABTS (colorless) solution was added to a standard cuvette,

followed by the addition of 0.1 mL of the sample (typically H2O2; KHCO3 for blank) and 0.1 mL

of the HRP enzyme. This mixture was mixed well and then left undisturbed at 22 °C for 10 min.

The absorbance of this (green) solution was measured at 405 nm using a UV-Vis spectrophotometer

and the concentration was determined using the lambert beer equation (Equation 2.2). 0.5 mol L−1

KHCO3 solution was used to make different concentrations of H2O2 in order to provide a calibration

curve (Figure 2.2) [74][75]. The detection limit for this method is from 1 µmol L−1 to 1 mmol L−1.

A= ϵLc (2.2)
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where A is the absorbance, ϵ is the molar extinction coefficient, L is the path length, and c is the

concentration of the sample. The molar extinction coefficient (ϵ405nm) of oxidized ABTS is 36,800 L

mol−1 cm−1 [76].

Fig. 2.2 : Calibration curve to determine the H2O2 concentration using ABTS assay.

2.5.3 TiOSO4 colorimetry method

The TiOSO4 method was used to quantify H2O2, as described in the literature [77][30][78]. The

solution was prepared by mixing 0.1 mol L−1 TiOSO4 in 2 mol L−1 H2SO4 before H2O2 detection. 25

µL of the H2O2 sample was mixed with 975 µL of a 0.1 mol L−1 TiOSO4 solution in a standard cuvette.

Upon the addition of H2O2, a color change from colorless to yellow occurs due to the formation

of pertitanic acid (Equation 2.3). The absorbance of the solution was measured at 407 nm using

a Shimadzu UV-1800 spectrophotometer. The molar extinction coefficient (ϵ407nm) is 6.89 x 102 L

mol−1 cm−1 [79].

H2O2 + TiO2
2+ +H2O −−→ H2TiO4 + 2H+ (2.3)

2.6 Electrochemical experiments

Electrochemical characterizations including cyclic voltammetry (CV) and chronoamperometry (CA)

were performed using an Autolab PGSTAT128N potentiostat/galvanostat with a 10 A booster con-

trolled by the software NOVA 2.1 (Metrohm, Switzerland). For preliminary studies, a two-compartment

H-cell divided by a Nafion®117 membrane was used. If not specified, a 2 mol L−1 sodium bicarbonate

(KHCO3, pH ∼8.4) was used as an electrolyte in both anodic and cathodic compartment. Each com-

partment of the H-cell was filled with 25 mL of electrolyte (Figure 2.3). The working electrode (metal
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oxides on C-paper) with geometric area of 1 cm2 was used. A 1.5 cm x 3 cm copper plate was cho-

sen as a cathode and the reference electrode was a miniature Ag/AgCl Reference Electrode (eDAQ).

The activities of synthesized BiVO4, SnO2, WO3, MnOx, TiO2, and commercial RuO2 catalysts were

tested for the electrocatalytic oxidation of water to H2O2. Before each reaction, a CV was performed

by sweeping the potential from OCP to + 2.0 V vs. Ag/AgCl at scan rate of 10 mV s−1. H2O2 elec-

trosynthesis was done potentiostatically by varying the potential from +1.2 V to +2.2 V vs. Ag/AgCl

reference electrode for 10 minutes. A fresh electrolyte was used for each potential screening. The

activity of the best material from the preliminary analysis was tested for long term. In order to com-

pare it with the literature, the potentials are also reported against the reversible hydrogen electrode

(RHE), calculated by the Equation 2.4.

E(RHE) =EAg/AgCl + 0.059 pH + Eo
Ag/AgCl (2.4)

where Eo
Ag/AgCl is equal to 0.1976 V

Fig. 2.3 : Schematic diagram for the electrochemical H-cell used in this work. The reference electrode (RE)
used is a mini-Ag/AgCl electrode. The counter electrode (CE) is a Cu-plate. The working electrode (WE) is metal
oxide on a carbon substrate or pristine carbon paper.

The activities of best materials from the preliminary analysis were tested with the flow cell. Carbon

based materials were tested with a circular flow as shown in Figure 2.4. All the reactions were

carried out at room temperature. Experiments underflow were performed using a microflow cell

(Electrocell, Denmark). In this cell, 3 cm x 3.5 cm electrodes are separated by a Nafion®117 membrane.

Carbonaceous electrodes were used as cathode and anode, respectively, with an electrode distance

of 8 mm. 200 mL of electrolyte solution was circulated in each compartment with a 100 mL min−1

flow controlled by a flow pump from Watson-Marlow with a flow range from 5 mL min−1 to 120 mL

min−1.
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Fig. 2.4 : Schematic diagram for the electrochemical flow cell used in this work. Flow cell with 10 cm2

carbon electrodes (cathode and anode) at 8 mm electrode distance divided by a Nafion 117 membrane. The counter
electrode (CE) is a Cu based electrode. The working electrode (WE) is a carbonaceous material.

2.7 Calculations

The faradaic efficiency (FE) of the produced H2O2 was calculated by the following equation (Equation

2.5):

FE(%) =
H2O2 detected (in mol) × no. of electrons × Faraday constant (C mol−1)

total charge passed (C)
× 100 (2.5)

where the number of electrons is 2 for water oxidation to H2O2, and the Faraday constant is 96485

C mol−1.

The production rate of the H2O2 produced is given by Equation 2.6:

Production rate (µmol
−1
min cm−2) =

H2O2 detected ( in µmol)

time (min)× area of the electrode (cm2)
(2.6)



3. RESULTS

3.1 2e− water oxidation to H2O2 using different metal oxides

In this chapter, material characterization of different synthesized metal oxides (Chapter 2) was per-

formed, followed by the investigation of the electrochemical activity of these materials toward H2O2

production. Briefly, this chapter includes material characterization (XRD, SEM, and EDX), electro-

chemical characterization (linear sweep voltammetry (LSV), and chronoamperometry (CA)). This in-

vestigation aims to define the most effective catalyst for H2O2 production within the oxide material

group of BiVO4, SnO2, WO3, MnOx, and TiO2 immobilized on carbon paper. These synthesized ma-

terials were compared with commercial RuO2 and blank carbon substrate. In the end, the long-term

stability of the best material was investigated and reported in this chapter.
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3.1.1 Material characterization

The structural morphology and the elemental analysis for the synthesized material were performed

by SEM and EDX. The typical morphology of all the metal oxides is shown in Figure 1a-e. The mor-

phological differences among all the metal oxide powders are clear from the SEM images (Table 3.1

and Figures 3.1a-e).

Tab. 3.1 : SEM results for investigated metal oxides.

Metal oxide SEM observation

BiVO4 mixture of huge flat and defined particles, surrounded by smaller undefined particles

SnO2 mixture of huger flat, defined particles (more sharp-edged than in BiVO4)

WO3 uniform, porous-like surface of rounded

MnOx defined spherical

TiO2 chiseled, sharp-edged, and flat

Fig. 3.1 : SEM images of (a) BiVO4, (b) SnO2, (c) WO3, (d) MnOx, and (e) TiO2

The corresponding energy-dispersive X-ray spectroscopy (EDX) result is shown in Figure 3.2. The

energy-dispersive X-ray spectroscopy revealed O, Bi, and V elements existed with an atomic ratio of

C/O/V/Bi of 13:40:25:22 for BiVO4. BiVO4 had different atomic ratios of its constituent elements as

observed in EDX analysis. One possible explanation is that the sample may have been synthesized

under different conditions, such as temperature, pressure, and pH, which could affect the distribution

of elements in the material. Another possibility is that there may be impurities or defects in the sample

that could contribute to the observed variations in atomic ratios. Additionally, the EDX analysis may
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have been performed on different regions of the sample, which could also result in differences in

atomic ratios. Therefore, XRD analysis was also done, which has been discussed. In the case of

SnO2, the atomic ratio for C/O/Sn was 20:61:19, for WO3 was 20:64:16 (C:O:W), for MnOx was 2:37:61

(C:O:Mn), and for TiO2 was 22:78 (O:Ti). The carbon content was presumably from the double-sided

carbon tape used to immobilize the SEM sample stub.

Fig. 3.2 : EDX scan of different metal oxides used in this work

The crystalline structure of the as-prepared BiVO4, SnO2, WO3, MnOx, and TiO2, powders were

evaluated by powder X-ray diffraction (XRD) patterns (Figure 3.3). XRD patterns of BiVO4 powder

prepared by hydrothermal synthesis revealed a polycrystalline nature (Figure 3.3a). The samples
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exhibited the peaks characteristic of the BiVO4 monoclinic phase (a = 5.193 Å, b = 5.0898 Å, c =

11.6972 Å) with space group I112/b. Some diffraction peaks, approximately at 32.26o and 57.17o, were

ascribed to the B11VO19 cubic structure (a = b = c = 16.6434 Å) with space group Fm-3m. A third

phase was also identified in the XRD patterns by the appearance of the diffraction peaks at 2θ =

10.96o, 25.21o, and 31.77o ascribed to the BiV8O16 tetragonal structure (a = b = 9.9331 Å, c = 2.9116 Å)

with a space group I4/m.

XRD pattern of the SnO2 powder (Figure 3.3b) indicated that all diffraction peaks could be per-

fectly indexed to a rutile SnO2 tetragonal structure (a = b = 4.7357 Å, c = 3.1873 Å) with a space group

P42/mnm. In case of WO3, the XRD pattern revealed the orthorhombic WO3 structure (a = 7.3590 Å,

b = 12.5130 Å, c = 7.7040 Å) with a space group Fmm2 (Figure 3.3c). XRD pattern of MnOx powder

(Figure 3.3d) prepared by the co-precipitation method can be perfectly indexed to a Hausmannite

Mn3O4 tetragonal structure (a = b = 5.7691 Å, c = 9.4604 Å) with space group I41/amd. XRD pattern

of TiO2 powder prepared by PPM can be seen in as shown in Figure 3.3e. The obtained results show

that the observed XRD peaks are perfectly indexed to a tetragonal rutile structure (a = b = 4.5933Å,

c = 9.5139Å) with space group P42/mnm. Some diffraction peaks were also observed at 2θ approxi-

mately 25.33o, 37.77o, 48.10o, 53.90o, 54.88o, 62.75o and 75.01o ascribed to the planes (101), (004), (200),

(105), (211), (204) and (215), respectively, which can be indexed as tetragonal anatase TiO2 crystalline

secondary phase (a = b = 3.7852 Å, c = 9.5139 Å) with space group I41/amd.
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Fig. 3.3 : XRD pattern for (a) BiVO4, (b) SnO2, (c) WO3, (d) MnOx, and (e) TiO2

Based on the characterization of these materials, all synthesized materials obtained the expected

material properties. The material analysis was followed by the electrochemical characterization and

investigation of the activity of these materials towards the 2e- oxidation of H2O to H2O2.

3.1.2 Electrochemical measurements

Linear sweep voltammograms (LSV) for the all the metal oxides as well as for the carbon substrate

were performed in 2 mol L−1 of KHCO3 and are shown in Figure 3.4. RuO2, which is known to be an
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efficient O2 evolution catalyst, had the lowest on-set potential (∼0.95 V vs. Ag/AgCl), as compared

to MnOx (∼1.05 V vs. Ag/AgCl), BiVO4 (∼1.16 V vs. Ag/AgCl), SnO2 (∼1.175 V vs. Ag/AgCl),

WO3 (∼1.21 V vs. Ag/AgCl), and TiO2 (∼1.25 V vs. Ag/AgCl). The onset potential is described as the

potential where the current density reached 1 mA cm−2. The onset potential of blank carbon substrate

was more positive (∼1.45 V vs. Ag/AgCl) as compared to all metal oxides studied, indicating the

effectiveness of the metal oxides to oxidize water. Increase in potential lead to increase in the current

densities for all metal oxides, along with the increase in O2 evolution seen visually.

Fig. 3.4 : Linear sweep voltammograms (LSV) during water oxidation using different metal oxides on carbon
substrate in 2 mol L−1 KHCO3 electrolyte at 10 mV s−1

To further optimize, potential screening was performed with the different metal oxides electrodes

by varying the potentials from 1.2 V to 2.2 V vs. Ag/AgCl for the electrocatalytic water oxidation to

H2O2 (Figure 3.5a). As expected, the H2O2 concentration increased with the increase in the potential

for all metal oxides. BiVO4 showed the best activity with the highest concentration of 546 µmol

L−1 for H2O2 at 2.2 V vs. Ag/AgCl, whereas the H2O2 concentration was 451, 400, 342, 24, and 7

µmol L−1 for WO3, SnO2, TiO2, MnOx, and RuO2 respectively, all within 10 min of electrolysis. The

corresponding H2O2 concentration vs. current density revealed that with the increase in potential,

the current density increased and so as the H2O2 concentration (Figure 3.5b). However, it should be

noted that RuO2 showed the highest current density at 311 mA cm−2, though no H2O2 concentration

was detected. RuO2 is known to be a good OER catalyst, and this experimental result shows that

regardless the current density in case of RuO2 is higher, it is not selective towards H2O2 generation

[80]. Except RuO2, the corresponding production rates (Figure 3.5c) for other metal oxides increased

with increase in the potential for all the materials investigated. The highest production rate per

geometric area of electrode for BiVO4, WO3, SnO2, TiO2, MnOx, and RuO2 were 1.36, 1.12, 1.00, 0.8,
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0.82, 0.06, and 0.02 µmol min−1 cm−2 respectively.

Fig. 3.5 : (a) H2O2 concentration vs. potential change and (b) current density for 10 minutes using the indicated
metal oxide on carbon substrate using 2 mol L−1 KHCO3 as an electrolyte (c) rate and (d) FE towards H2O2 pro-
duction on different metal oxides in a two compartment H-cell.

Although the current densities attained in this study are relatively higher than the one reported

in the literature, the faradaic efficiencies (FE) are extremely lower as can be seen in Figure 3.5d

and in Appendix A1, Table A1-4. For each metal oxide, the faradaic efficiency for H2O2 production

decreased with increase in the potential. At 1.2 V vs. Ag/AgCl, for BiVO4, the FE was ∼23%, which

gradually decreased to 1.7% at 2.2 V vs. Ag/AgCl. Nevertheless, BiVO4 turned out to be the best

material amongst the investigated materials with maximum concentration of 546 µmol L−1 and FE

of 23%. These results clearly demonstrate the predominance of H2O2 generation using the BiVO4

electrode and its good activity compared to the metal oxides such as MnOx or RuO2, as also reported

in other study [52].
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It should be noted that the high FE reported using metal oxides are as high as 81%, however, the

corresponding current densities are as low as 15 mA cm−2 [51][52][53][54][57][59]. As soon as the

current density is increased, it results in loss of FE and thus overall performance of the system, rais-

ing concerns on its industrial/commercial implementation. Further work was done to improve the

catalyst immobilization on different substrate and has been reported in the Master Thesis of Thomas

Stiller.
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In this publication, optimization of the electrolyte conditions to achieve higher H2O2 concentra-

tions was performed. Firstly, different inexpensive commercial carbon materials were screened for

the activity towards the 2e− water oxidation to H2O2 in a two-compartment H-cell. The most active

material, the carbon fiber paper (CFP), was further used for the optimization of electrolyte conditions.

These optimized operating conditions enabled the maximization of the activity, selectivity, efficiency,

and stability of the electrochemical process, aiming high H2O2 concentration. A 10 cm2 flow cell, of-

fering more relevant operational conditions in the light of potential future applications and scale-up

was used to study the impact of current density (j) and potential variation, pH control, electrolyte
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concentration, and the presence of a chemical stabilizer. Calculation of ions’ activities in bicarbonate

electrolytes suggests a direct relationship between the CO3
2− ions activity and an enhanced anodic

H2O2 production. Through a direct interplay of CO3
2− ions and Na2SiO3 as a chemical stabilizer, we

have reached up to 33 mmol L−1 H2O2 in the anolyte at pH 12.6, the highest H2O2 ever achieved

in such media. A cyclic mechanism based on the electrochemical formation of peroxodicarbonate

is proposed. The experimental methodology and materials characterization are described in detail.

These operating conditions can be readily used with any foremost catalyst to boost anodic H2O2

production.

Dhananjai Pangotra conceptualized and designed the experiment, performed all the lab work, did

the data analysis, and wrote the first draft. Lénárd-István Csepei, Arne Roth, and Luciana Vieira

supported the conceptualization. Lénárd−István Csepei did the calculation of the ionic activities of

different carbonate species. Lénárd−István Csepei, Arne Roth, Carlos Ponce de León, Volker Sieber,

and Luciana Vieira reviewed this work. Arne Roth, Volker Sieber, and Luciana Vieira supervised the
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A B S T R A C T   

The electrochemical production of hydrogen peroxide (H2O2) from water is an appealing alternative to substitute 
the classic anthraquinone process. Herein, we show a process development to maximize the efficiency of the 
anodic production of H2O2. Carbon materials were used as anodes to optimize process parameters such as current 
density, electrolyte concentration, and the pH. We found that the electrolyte concentration, pH, and the presence 
of a chemical stabilizer have a substantial effect on the selectivity of water oxidation to H2O2. The addition of 
Na2SiO3 as a stabilizer increased the H2O2 production significantly at high pH regimes. A direct relationship 
between CO3

2− ion activity and enhanced production of H2O2 was also observed. We report H2O2 concentrations 
in the anolyte up to 33 mmol L− 1 at a current density of 100 mA cm− 2 using commercial and low-cost carbon 
fiber paper.   

1. Introduction 

Hydrogen peroxide (H2O2) is a widely used industrial product. 
Because its decomposition generates oxygen (O2) and water (H2O) only, 
it is widely praised as a “green oxidant”. It is used as an oxidizing agent 
in the chemical industry [1–3], in wastewater treatment [4,5], and as a 
propellant in the aerospace industry [6–8]. In refineries, H2O2 is applied 
for oxidative desulfurization of oil fractions to meet regulations refer-
ring to transportation fuels [9–13]. Changes in the limit of sulfur 
established by the International Maritime Organization (IMO) may lead 
to an exponential increase in H2O2 demand in this sector [14–16]. H2O2 
also has a biocidal effect [17], thus it is used in low concentrations as a 
component of antiseptics [18] and hand sanitizers certified by the World 
Health Organization [19]. Recent research shows its promising results in 
the disinfection of personal protective equipment against the 
SARS-CoV-2 and COVID-19 virus [20–22]. While the healthcare indus-
try’s application was considered a relatively minor market, after the 
outbreak of COVID-19, the H2O2 demand in this branch increased 
dramatically [23]. 

Currently, H2O2 is produced via the anthraquinone (AO) process, an 

energy-demanding multistep method that requires large quantities of 
harmful organic solvents and fossil-based hydrogen [24,25]. Therefore, 
developing an alternate “green” route for H2O2 production is a subject of 
high scientific and economic interest [13]. The electrochemical syn-
thesis of H2O2 from renewable electricity and naturally abundant educts 
O2 and H2O is a promising pathway compared to the current AO process 
[7]. There are two possible electrochemical routes for H2O2 production, 
i.e., via cathodic and anodic reactions. The cathodic route is based on 
the O2 reduction in an aqueous medium (Eq. (1)) using catalysts based 
on carbon [26–29], noble metals (Au, Ag [7] and Pd [30]), noble metal 
alloys (e.g. Pt-Hg [31], Pd-Au [32]) or compounds like PtP2 [33]. From 
the perspective of minimizing process costs, non-noble metal-based 
electrocatalysts such as Ni3B are more attractive [34]. Many reactor 
designs, including pressurized-jet microfluidic flow-through reactor, 
have been developed to enhance O2 solubility, maximizing reaction ef-
ficiency, and reducing energy consumption [35,36]. The anodic for-
mation of H2O2 proceeds via two-electron oxidation of water (Eq. (2)) at 
the anode [7,37]. This anodic route is particularly promising because it 
can be combined with many cathodic reactions, including the cathodic 
production of H2O2 via oxygen reduction reaction (ORR), hydrogen 
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evolution reaction (HER), and CO2 reduction reaction (CO2RR), thus 
enabling productive utilization of both half-cell reactions.  

O2 + 2H+ + 2e− → H2O2 E0 = 0.67V vs. RHE                                   (1)  

2H2O ⇌ H2O2 + 2H+ + 2e− E0 = 1.76V vs. RHE                               (2) 

Recent research efforts regarding the anodic production of H2O2 
have focused on catalyst materials and electrode development to enable 
high selectivity towards H2O2. Various metal oxides, including BiVO4, 
CaSnO3, ZnO, WO3, SnO2, and TiO2, have been reported as active 
electrocatalysts for the anodic synthesis of H2O2 [37–42]. High faradaic 
efficiencies (up to 80%) have been reported for those systems, albeit 
only at low current densities (0.1–15 mA cm− 2) [37–42] with H2O2 
production rate up to 5.7 µmol min–1 cm–2 [38]. Carbon-based materials 
coated with hydrophobic polymers (PTFE/CFP) have shown exceptional 
catalytic performance in terms of activity and electrode stability, with 
an excellent production rate of 23.4 µmol min–1 cm–2 in 1 mol L− 1 

Na2CO3 [43]. Boron-doped diamond (BDD) electrodes have also been 
reported as remarkable materials for water oxidation to H2O2, with 
outstanding production rates of 19.7 µmol min–1 cm–2 in 2 mol L− 1 

KHCO3 [44]. Yet, the electrochemical oxidation of water to H2O2 de-
pends not only on the choice of the electrode material but also on re-
action parameters, particularly the current/potential applied, 
electrolyte concentration, pH, and H2O2 stabilizers [45,46]. 

The highest H2O2 concentration ever achieved by electrochemical 
methods was 20 wt% H2O2 solution via electrochemical O2 reduction 
using a solid electrolyte setup [47]. With this exception, the concen-
tration of H2O2 produced electrochemically is, in general, relatively low 
compared to that achievable by the current AO process. Nevertheless, 

the relatively lower H2O2 concentrations achieved electrochemically are 
already promising for healthcare and environmental applications. 
Moreover, the electrochemical route would enable the decentralization 
of H2O2 production, requiring only an electrochemical device and 
electricity [45]. Decentralized electrocatalytic H2O2 production could 
be an enabling technology for local disinfectant production in the 
concept of future hospitals [48] as well as in remote places in the fight 
against COVID-19, SARS-CoV-2, MERS [49,50], Ebola [49,51], and Zika 
[49] viruses. Furthermore, an integrated solar-electricity-driven water 
treatment process would enable removing recalcitrant chemicals 
[52–54] and bacteria [54,55]. 

This study identifies and applies optimized electrolyte conditions for 
the anodic oxidation of water to H2O2. These optimized operating con-
ditions enabled the maximization of the activity, selectivity, efficiency, 
and stability of the electrochemical process, aiming high H2O2 concen-
tration. We have used unmodified commercial carbon materials as 
electrocatalysts due to their high surface area, relatively high conduc-
tivity, and chemical stability in alkaline electrolytes. These carbon ma-
terials are easy to use and have considerably low costs. Firstly, different 
carbon materials were screened for their catalytic activity in a two- 
compartment stationary H-cell. Carbon cloth, carbon fiber paper, car-
bon felt, glassy carbon, and carbon gas diffusion layer were used as 
electrode materials. Outperforming material was further investigated in 
a 10 cm2 flow cell, offering more relevant operational conditions in the 
light of potential future applications and scale-up. The impact of current 
density (j) and potential variation, pH control, electrolyte concentration, 
and the presence of a chemical stabilizer has been analyzed and the most 
suitable reaction parameters for the anodic production of H2O2 in high 
concentrations have been identified. Additionally, the impact of HCO3

−

Fig. 1. Schematic representation of the utilized electrochemical cells. (a) H-cell equipped with a 1 cm2 carbon anode and a 7.5 cm2 cm copper plate cathode at 6 cm 
distance. (b) Flow cell with 10 cm2 carbon electrodes (cathode and anode) at 8 mm electrode distance. 200 mL of the electrolyte solution in a reservoir was used in 
each flow cell compartment circulating at a rate of 100 mL min− 1. Both cells were separated by a Nafion 117 membrane. 
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and CO3
2− ions’ activity in the electrolyte on the electrochemical H2O2 

production was examined, indicating clearly the importance of CO3
2−

ions for the anodic H2O2 production. 

2. Material and methods 

2.1. Characterization 

The surface morphology of all the different carbon materials was 
examined by a scanning electron microscope (SEM Carl Zeiss DSM 940A 
Oberkochen, Germany) at 20 kV and 6 mm working distance. The 
electrode materials were placed onto a carbon tape on top of an alumina 

plate sample holder. The thickness of each carbon material was 
measured with ImageJ from at least 10 different areas of an SEM image. 

2.2. Electrochemical measurements 

Electrochemical measurements were performed at room temperature 
and atmospheric pressure using an Autolab PGSTAT128N potentiostat/ 
galvanostat coupled with a 10 A booster. Screening experiments were 
performed in a two-compartment H-Cell (Fig. 1a) with a three-electrode 
configuration separated by an ion-exchange membrane (Nafion 117, Ion 
Power, Germany). Carbon cloth (W1S1005), carbon fiber paper (TP- 
060), gas diffusion layer (Freudenberg, H23C9), all from Quintech, 
Germany, glassy carbon rod (Metrohm, 61247000) and carbon felt (Alfa 
Aesar, 43200) were used as electrodes without further treatment. Car-
bon samples with a geometric area of 1 cm2 were used as anode, 7.5 cm2 

copper plate as cathode, and Ag/AgCl in 3.5 mol L− 1 KCl (eDAQ) as a 
reference electrode. 25 mL of 2 mol L− 1 potassium hydrogen carbonate 
(KHCO3, Sigma Aldrich, 99.5%) was chosen as standard electrolyte [41] 
and was freshly prepared prior to each experiment. Linear sweep vol-
tammetry (LSV) at 10 mV s− 1 and chronopotentiometry at 50 mA cm− 2 

(related to the geometric area of the anode) were measured for each 
carbon material. The cell potential was recorded with a voltammeter. 
The pH of the electrolyte was regulated with the addition of potassium 
hydroxide (KOH, Carl Roth) salt or CO2 bubbling. The electrolyte con-
ductivity was measured with a conductometer (VWR pHenomenal® CO 
3100 H) and the pH with a pH-meter (VWR pH 3210). Potassium car-
bonate (K2CO3, ≥99%, Carl Roth) and sodium metasilicate (Na2SiO3, 
Sigma Aldrich) were used as received. 

After the material screening, the best performing electrode was 
evaluated by chronoamperometry with multiple potential steps. The 
concentration of H2O2 was measured at each step potential, in intervals 
of 0.2 V from +1.2 V to +2 V vs. Ag/AgCl, with 10 min at each step. The 
corresponding current densities were calculated using the geometric 
area of the electrode. 

Flow cell experiments were carried out in a Microflow cell 

(Electrocell, Denmark) (Fig. 1b) with 10 cm2 (3 cm × 3.5 cm) electrodes 
separated by a Nafion 117 cation exchange membrane (CEM). 200 mL of 
the electrolyte solution was circulated in each compartment with a 
100 mL min− 1 flow controlled by a flow pump (Watson-Marlow) in a 
flow range varying from 2 to 120 mL min− 1. 

2.3. H2O2 analysis 

The analytic quantification of H2O2 in an electrochemical system can 
be influenced by the type of electrolyte, pH, and other interfering species 
generated at the electrode [56]. Therefore we used three methods to 
detect H2O2: an enzymatic assay, detection strips, and KMnO4 titration. 

The enzymatic assay is based on the one-electron oxidation of ABTS 
ABTS (2,2′-azino-bis(3-ethylbenzothiazoline-6-sulfonic acid), Sigma 
Aldrich) by H2O2 into the corresponding radical cation, ABTS+•. This 
reaction is catalyzed by the enzyme horseradish peroxidase (HRP, Sigma 
Aldrich) [57,58] (Eq. (3)).   

For this enzymatic method, 2 mmol L− 1 ABTS (in 0.1 mol L− 1 po-
tassium phosphate buffer, KPi, pH 5.0) and 5.0 mg L− 1 of horseradish 
peroxidase (HRP) were freshly prepared before use. A standard cuvette 
for the photometric investigation was prepared with 1 mL ABTS solu-
tion, 0.1 mL of the HRP enzyme, and 0.1 mL of the sample (H2O2 in 
2 mol L− 1 KHCO3 solution). The solution was mixed well and kept for 
10 min at room temperature. The progression of this enzymatic reaction 
is accompanied by a color change in the solution from colorless to green, 
depending on the concentration of H2O2. Thereafter, the absorbance of 
the solution was measured at 405 nm in a Shimadzu UV-1800 spectro-
photometer. The molar extinction coefficient (Ɛ405nm) of oxidized ABTS 
is 36,800 M− 1 cm− 1. The calibration curve is shown in Supporting In-
formation, Fig. S1a. 

For the detection with strips, the color intensity of the strip is 
measured with a strip reader (Quantofix Relax, Macherey-Nagel) [39, 
44]. As for the titration with KMnO4, a 100 mL electrolyte sample was 
acidified with 5 mL (1:5) sulfuric acid solution and titrated with 
0.02 mol L− 1 standardized KMnO4 solution as reported in the literature 
[44,56,59]. 

All three detection techniques yield comparable results for the 
standard H2O2 solutions. A comparison for all three methods is shown in 
Supporting Information, Fig. S1b. In all the experiments herein shown, 
we determined the H2O2 concentration with the detection strip and 
confirmed it with the ABTS assay. 

The faradaic efficiency (FE) of the produced H2O2 was calculated by 
the following equation (Eq. (4)):   

(3)  

FE(%) =
H2O2  detected(mol) × no. of electrons × Faraday constant (C  mol-1)

total charge passed (C)
× 100 (4)   
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where the number of electrons is 2 for water oxidation to H2O2, and 
the Faraday constant is 96485 C mol− 1. 

The production rate of the H2O2 produced is given by Eq. (5): 

Production rate(µmol min− 1cm− 2) =
H2O2 detected(µmol)

time(min) × area of the electrode(cm2)

(5)  

2.4. Calculation of the ionic activities for HCO3
− and CO3

2−

To address the question of how the bicarbonate (HCO3
− )/ carbonate 

(CO3
2− ) species affect the productivity of H2O2, a speciation analysis 

was carried out, taking into account the equilibrium of ions in the so-
lution according to Eqs. (6) and (7). Depending on the pH of the solution, 
different carbonate species (H2CO3, HCO3

− , and CO3
2− ) as well as H2O2 

(as H2O2 and HOO− ) can be present in the solutions (Supporting Infor-
mation, Fig. S2) [37,60,61].  

H2CO3 ⇌ HCO3
− + H+ (pKa,1 = 3.7)                                                (6)  

HCO3
− ⇌ CO3

2− + H+ (pKa,2 = 10.3)                                               (7) 

The molar fraction (α) of each species was calculated based on Eqs. 
(9) and (10). Since the experiments were carried out in highly 

concentrated electrolytes which deviate from the ideal behavior of 
diluted electrolytes, the ion activities (aHCO−

3 
and aCO2−

3
) were calculated 

as shown in Eqs. (11) and (12) using the activity coefficient (f±) shown 
in Eq. (13), where zi is the charge of the ion, A is Debye-Hückel 
parameter (0.51 kg½ mol-½, for water at 25 ◦C), and B is a temperature- 
dependent parameter. Based on the pH change and carbonate equilibria, 
we calculated the activity of HCO3

− (a(HCO3
− )) and CO3

2− (a(CO3
2− )) 

ions dependent on the pH of the electrolyte during electrolysis for each 
concentration (c) of KHCO3. 

Ka,i = 10− pKa,i (8)  

αHCO−
3
=

Ka,1.[H+]

[H+]
2
+ Ka,1.[H+] + Ka,1.Ka,2

(9)  

αCO2−
3

=
Ka,1.Ka,2

[H+]
2
+ Ka,1.[H+] + Ka,1 ∗ Ka,2

(10)  

aHCO−
3
= αHCO−

3
.cKHCO3 .f± (11)  

aCO2−
3

= αCO2−
3
.cKHCO3 .f± (12)  

logf± = −
A.Z2

i ∙
̅̅
j

√

1 + B.ai∙
̅̅
j

√ (13)  

3. Result and discussion 

3.1. Selection of carbon material 

Commercial carbon materials were evaluated for the anodic syn-
thesis of H2O2 in a two-compartment H-cell. The materials comprise 
carbon gas diffusion layer (C-GDL), glassy carbon (GC), carbon cloth 
(CC), carbon felt (CF), and carbon fiber paper (CFP). SEM images of each 
carbon electrode are depicted in Fig. 2a. All materials except GC were 
fibrous. CFP and CF were highly porous, whereas CC and C-GDL were 
more compact. The fibers’ average thickness for C-GDL, CC, CF, and CFP 
was 11.0, 8.7, 15.5, and 7.9 µm, respectively. 

The current densities of different materials upon anodic polarization 
were evaluated in a first screening step by LSV (Supporting Information, 
Fig. S3a). The lowest onset potential was observed for CF (1.16 V vs. Ag/ 
AgCl) followed by CFP. Exceptionally high current densities of 399 and 
177 mA cm− 2 at 2 V vs. Ag/AgCl were obtained with CF and CFP elec-
trodes, respectively, indicating high water oxidation affinity (to O2 and/ 
or H2O2) for these two materials. 

In a second step, the H2O2 production was measured quantitatively 
after 10 min of galvanostatic polarization at 50 mA cm− 2, which 

Fig. 2. Selection of carbon material for H2O2 synthesis. (a) SEM images of carbon cloth (CC), carbon gas diffusion layer (C-GDL), carbon felt (CF), and carbon fiber 
paper (CFP) used in this study. (b) H2O2 concentration in the anolyte and average electrode potential (vs. Ag/AgCl) during electrolysis using different carbon 
materials at 50 mA cm− 2 for 10 min at room temperature. 

Table 1 
Performance of different carbon materials for H2O2 production. Anodic H2O2 
production with different carbon materials as electrode after 10 min galvano-
static polarization at 50 mA cm− 2. The potential corresponds to the average 
electrode potential during electrolysis.  

Carbon 
material 

H2O2 

concentration 
Highest H2O2 

production 
rate 

Maximum 
H2O2 FE 

Potential  

µmol L− 1 µmol min− 1 

cm− 2 
% V vs. Ag/ 

AgCl 

Carbon fiber 
paper 
(CFP)  

190.9  0.48  3.1  1.5 

Carbon cloth 
(CC)  

117.2  0.29  1.9  2.0 

Gas 
diffusion 
layer (C- 
GDL)  

87.3  0.22  1.4  2.2 

Carbon felt 
(CF)  

83.5  0.21  1.3  1.3 

Glassy 
carbon 
(GC)  

82.0  0.21  1.3  2.1  
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provided a constant 30 C charge for each electrode material. Among the 
investigated carbon materials, CFP revealed the highest selectivity and 
FE towards H2O2, with a FE of 3.1% and a maximum production rate of 
0.48 µmol min–1 cm–2, followed by CC, C-GDL, CF, and GC as shown in 
Table 1 and Fig. 2b. Compared to the other carbon materials, CF and CFP 
showed the lowest electrode potential during the galvanostatic experi-
ments, with 1.3 and 1.5 V vs. Ag/AgCl, respectively. The different 
electrochemical activity of the carbon materials toward WOR could be 
caused by the materials difference in electrode structure, the hydro-
phobicity of the surface, and due to the transport of the reaction prod-
ucts. The lowest activity of GC is likely due to its 2D structure. All carbon 
materials except GC are fibrous, with a 3D structure. Hence, the elec-
trochemical active area of GC is considerably lower than the other car-
bon materials. CFP and CF are highly porous, whereas CC and C-GDL are 
more compact 3D structures, as shown in the SEM images of Fig. 2a. The 
product transport characteristics in the electrode materials are 

determined by their porosity, permeability, and hydrophobicity [62]. 
CC and C-GDL materials are treated with PTFE. One side of CC and 
C-GDL consists of a microporous layer (MPL) made of carbon and a 
hydrophobic agent. Earlier reports have suggested an enhanced activity 
towards H2O2 production upon increasing the hydrophobicity [43]. 
However, we observed a lower electrochemical H2O2 production in CC 
and C-GDL (Table 1 and Fig. 2b). A summary of the technical specifi-
cation of these carbon materials is shown in the Supporting Information, 
Table S2. Due to its low onset potential, higher H2O2 selectivity, pro-
duction rate, and consequently the highest achieved H2O2 concentra-
tion, CFP was chosen for further investigations. 

It should be noted that the H2O2 selectivity and production rate 
observed in these initial experiments on CFP are relatively low 
compared to values reported in the literature using PTFE/CFP in 
1 mol L− 1 Na2CO3 [43]. Nevertheless, these initial measurements have 
been conducted under operational conditions that had not been 

Fig. 4. Anodic H2O2 production in KHCO3 electrolyte with different concentrations. (a) H2O2 production over time, (b) pH variation, (c) HCO3
- activity, and (d) 

CO3
2- activity in the anolyte circulated with 1, 2 and 2.7 mol L-1 KHCO3 . Experiment conditions: flow cell at 100 mA cm− 2 for 150 min and 200 mL 

anolyte circulated at 100 mL min− 1. 

Fig. 3. Impact of operating potential and current density. (a) H2O2 concentration and current density at different applied potentials in 2 mol L− 1 KHCO3 in an H-Cell. 
(b) Final H2O2 concentration and average cell potential after 150 min of electrolysis at different applied current densities in a flow cell using 2 mol L− 1 KHCO3 at 
100 mL min− 1 flow rate. 
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optimized. The following sessions will show how the optimization of 
reaction parameters is crucial to enhance the final anodic H2O2 pro-
duction on CFP electrodes. 

3.2. Effect of potential and current density 

The anodic H2O2 production upon variation of potential and current 
density was evaluated on CFP electrodes. Potentiostatic experiments 
varying the potential positively stepwise from +1.2 V to +2.2 V vs. Ag/ 
AgCl in an H-cell (Fig. 3a) showed the highest H2O2 concentration of 
270 µmol L− 1 at +2.0 V vs. Ag/AgCl with a current density (j) of 
~175 mA cm− 2. The maximum production rate at this potential 
(+2.0 V) was 0.67 µmol min–1 cm–2 after 10 min (the potential 
screening data is shown in Supporting Information, Table S1 and 
Fig. S4a). At +1.8, +2.0, and +2.2 V vs. Ag/AgCl, the H2O2 formation 
rate stayed constant at 0.67 µmol min–1 cm–2, despite the increase in 
current density from 120 to 232 mA cm− 2 at the same potential range, 
indicating most of the current is consumed for O2 evolution at more 
positive potentials. Further study at higher potentials led to an increase 
in the current density, though considerably lower H2O2 concentration, 
indicating a preference for water oxidation to O2 (Supporting Informa-
tion, Fig. S4b). 

The setup was transferred to a flow cell, where galvanostatic ex-
periments with the current density being raised stepwise from 10 to 

200 mA cm− 2 showed a maximum concentration of H2O2 
(1.1 mmol L− 1) at 100 mA cm− 2 (Fig. 3b). At 150 mA cm− 2, the H2O2 
concentration had a peak at 120 min (1.2 mmol L− 1), decaying to 
0.9 mmol L− 1 after 150 min (H2O2 concentration versus time at 
different current densities is shown in Supporting Information, Fig. S4c). 
This decay in H2O2 concentration indicates the decomposition of the 
generated H2O2 on the electrode surface. The same behavior was 
observed at 200 mA cm− 2. Since the standard potential for H2O2 
oxidation (0.67 V vs. RHE, Eq. (15)) is considerably lower than the 
standard potential for water oxidation to H2O2 (1.76 V vs. RHE, Eq. (2)), 
the electrogenerated H2O2 can decompose to O2 in the vicinity of the 
electrified electrode surface. Moreover, H2O2 is chemically unstable and 
can self-decompose to O2. An experiment of chemical stability for 
electrogenerated H2O2 showed a decay of 19% H2O2 during 2.5 h at an 
open circuit (Supporting Information, Fig. S5). Thus, a combined effect 
of self-and electro-decomposition of H2O2 can lead to a limitation of the 
H2O2 concentration to a level where formation and decomposition of 
H2O2 occur at the same rate [63]. Hence, at higher current densities 
(150 and 200 mA cm− 2), a combination of water oxidation to O2 and 
H2O2 decomposition (Eqs. (14) and (15)) accounts for the lower H2O2 
concentration.  

H2O ⇌ ½ O2 + 2H+ + 2e− E0 = 1.23 V vs. RHE                              (14)  

H2O2 ⇌ O2 + 2H+ + 2e− E0 = 0.67 V vs. RHE                                (15) 

Fig. 5. Study of the anodic H2O2 generation in 
1 mol L− 1 and 2 mol L− 1 KHCO3 electrolytes at 
different pH. (a) anodic H2O2 production with pH 
variation in 2 mol L− 1 KHCO3 at 50 mA cm− 2 for 
10 min in an H-cell. (b) H2O2 production, (c) pH 
change, and (d) a(HCO3

− ) and (e) a(CO3
2− ) in the 

anolyte circulated with ( ) 1 mol L− 1 or ( ) 

2 mol L− 1 KHCO3. Solid lines correspond to non- 
regulated pH experiments. Dotted lines correspond to 
experiments with pH control at pH 9. (f) H2O2 pro-

duction in 2 mol L− 1 KHCO3, K2CO3, and 

KOH. 30 mmol L− 1 of Na2SiO3 was added to 2 mol L− 1 

K2CO3 and to 2 mol L− 1 KOH as a stabilizer to prevent 
decomposition of H2O2 at high pH. Experimental con-
ditions for (b–e): flow cell at 100 mA cm− 2 for 150 min 
with 200 mL electrolyte at 100 mL min− 1.   
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Fig. 6. Anodic H2O2 generation in 2 mol L− 1 KHCO3 electrolyte at different pH. (a) H2O2 concentration (b) pH change, (c) a(HCO3
− ) and (d) a(CO3

2− ) in the anolyte 

in 2 mol L− 1 KHCO3 at ( , ) pH 8.4, and ( , ) pH 9. Solid lines correspond to experiments with pH regulation during electrolysis. Dotted lines correspond 

to experiments without pH regulation. Experiment conditions: Flow cell at 100 mA cm− 2 with 200 mL anolyte at a flow rate of 100 mL min− 1. 

Fig. 7. Effect of Na2SiO3 stabilizer on H2O2 
generation. (a) Anodic H2O2 concentration in 

2 mol L− 1 KHCO3 electrolyte at ( ) pH 8.4, 

( ) controlled pH 9, and ( ) at controlled 

pH 9 with 30 mmol L− 1 of Na2SiO3 as a stabi-
lizer after 150 min at 100 mA cm− 2 in a flow 
cell. (b) Anodic H2O2 production with pH 
variation in 2 mol L− 1 KHCO3 with and without 
30 mmol L− 1 Na2SiO3 at 50 mA cm− 2 for 
10 min in an H-cell. (c) H2O2 concentration, a 
(HCO3

− ) and a(CO3
2− ) in the anolyte at 

different pH in 2 mol L− 1 KHCO3 after 150 min 
of electrolysis at 100 mA cm− 2 in a flow cell. Up 
to pH 11, the stabilizer concentration used was 
30 mmol L− 1. At pH 12, the stabilizer concen-
tration was 90 mmol L− 1. (d) H2O2 production 
in 2 mol L− 1 K2CO3 (pH 12.6) with different 
stabilizer concentrations after 150 min of elec-
trolysis at 100 mA cm− 2 in a flow cell.   
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At current densities higher than 100 mA cm− 2, a visual color change 
was observed in the electrolyte, which turned brown from colorless 
(Supporting Information, Fig. S6). The oxidation of the carbon surface 
caused erosion of the electrode, and graphitic carbon particles were 
exfoliated in the electrolyte [64]. SEM images of the carbon electrodes 
before and after 150 min of electrolysis at 200 mA cm− 2 revealed a 
damaged electrode surface (Supporting Information, Fig. S6). The fiber 
thickness decreased from 7.9 µm to 3.5 µm, indicating electrode 
degradation. 

The highest H2O2 concentration and the lowest cell potential were 
obtained at 100 mA cm− 2, thus this current density was applied for all 
following electrolyte optimization experiments. To examine electrode 
stability, cycles of 2.5 h at 100 mA cm− 2 in 2 mol L− 1 KHCO3 were 
performed, in which the electrolyte was changed at every cycle of 2.5 h 
(Supporting Information, Fig. S7, and S8). Interestingly, upon changing 
the electrolyte, the H2O2 concentration quickly reached a similar con-
centration as the previous cycle (between 0.6 and 1 mmol L− 1), indi-
cating that the maximum H2O2 concentration is limited by the 
electrochemical H2O2 decomposition. Moreover, the cell potential was 
rather constant throughout the cycles. Hence, the CFP electrodes are 
stable for 7 cycles at 100 mA cm− 2 (17.5 h). After this time, carbon 
particles were observed in the anolyte reservoir, indicating oxidation 
and mechanical disintegration of the electrode. 

3.3. Effect of electrolyte concentration 

The anodic oxidation of water to H2O2 was evaluated in KHCO3 
electrolyte with concentrations of 1.0, 2.0, and 2.7 mol L− 1. The latter 
corresponds to a saturated KHCO3 solution at room temperature, as the 
maximum solubility of KHCO3 in water is 23 g/100 mL (2.3 mol L− 1) at 
20 ◦C [65]. LSV of CFP electrodes in these three electrolytes showed 

considerably higher current densities in more concentrated KHCO3 so-
lutions, indicating that HCO3

− accelerates water oxidation (LSVs shown 
in Supporting Information, Fig. S9). Flow cell experiments at 
100 mA cm− 2 showed a three-fold increase in H2O2 production upon 
raising the bicarbonate concentration from 1.0 to 2.7 mol L− 1 KHCO3: 
from 0.5 to 1.5 mmol L− 1 H2O2 after 150 min (Fig. 4a). The production 
rate rises from 0.29 to 0.56 µmol min–1 cm–2 after 30 min (peak of 
production rate, see Supporting Information, Fig. S10a, b). Hydrogen 
carbonate ions (HCO3

− ) have been described as a stabilizing agent and 
accounted for enhancing the water oxidation to H2O2 [32,37,41,44]. 
The described mechanism for enhancing H2O2 production in bicarbon-
ate electrolytes involves the generation of peroxomonocarbonate 
(HCO4

− ) species at the anode through HCO3
− oxidation (Eq. (16)). 

Subsequently, peroxocarbonate species decompose hydrolytically into 
H2O2 and bicarbonate ions, as given in Eq. (17) [37,43,46].  

HCO3
− + H2O ⇌ HCO4

− + 2H+ + 2e− E0 = 1.80 V vs. RHE            (16)  

HCO4
− + H2O → H2O2 + HCO3

− (17) 

The anodically produced H2O2 reaches a concentration plateau 
within 90 min of electrolysis (Fig. 4a). At more concentrated KHCO3 
electrolytes, the plateau rises to a higher H2O2 concentration range. 
These limiting values of the H2O2 concentration can be due to concur-
rent O2 formation and electrodecomposition of H2O2 [44,66]. The 
higher rate of H2O2 generation increases the rate of H2O2 decomposition 
until a steady-state is reached. An experiment adding 0.9 mmol L− 1 

H2O2 as initial concentration led to a similar concentration plateau 
where no H2O2 was added (Supporting Information, Fig. S11), sug-
gesting a dynamic steady-state with a limiting H2O2 concentration. 
Hence, the main challenge is to raise the plateau to the highest possible 
H2O2 concentration. 

The pH of the KHCO3 anolyte was constantly monitored and all 
electrolyte concentrations showed a pH decline during electrolysis 
(Fig. 4b). The initial pH in 1, 2, and 2.7 mol L− 1 KHCO3 are 8.3, 8.4, and 
8.7, respectively. After 150 min, it decreased to 7.7, 8.1, and 8.3. This 
slight anolyte acidification is caused by the electro-oxidation of water 
(Eqs. (2) and (14)). 

Based on pH variation during electrolysis, we calculated the varia-
tion of ionic activity for HCO3

− (a(HCO3
− )) and CO3

2− (a(CO3
2− )) 

species in the electrolyte (Fig. 4c, d). The equilibrium between HCO3
−

and CO3
2− ions is pH-dependent, and at a pH range from 8 to 9, the 

activity of HCO3
− ions is higher than CO3

2− (Supporting Information, 
Fig. S2). a(HCO3

− ) and a(CO3
2− ) increase accordingly with electrolyte 

concentration (Fig. 4c, d). In this pH range, a(CO3
2− ) is two orders of 

magnitude smaller than that of a(HCO3
− ) and decreases during elec-

trolysis, whereas the activity of a(HCO3
− ) ions appears to be constant at 

each concentration (Fig. 4c, d). Varying the concentration of the elec-
trolyte leads to a change in the pH, ionic activity for HCO3

− and CO3
2−

ions in the electrolyte. Experiments with and without the addition of 

Fig. 8. Suggested mechanism for anodic H2O2 production in bicarbonate 
electrolytes. Bicarbonate ions (HCO3

− ) are deprotonated to carbonate (CO3
2− ) 

in alkaline electrolytes. CO3
2− can be anodically oxidized to peroxodicarbonate 

(C2O6
2− ) species. C2O6

2− decomposes into HCO3
− and hydrogen peroxide 

(H2O2), closing the cycle with a higher H2O2 concentration. 

Table 2 
Summary of the electrolyte optimization for anodic H2O2 production on carbon fiber paper. Experimental conditions: 100 mA cm− 2 for 150 min, carbon fiber paper 
anode, and 100 mL min− 1 electrolyte flow rate. All experiments in this table were carried out with pH control during electrolysis.  

Electrolyte pH Conductivity a (HCO3
¡) a (CO3

2¡) [Na2SiO3] [H2O2]   
mS cm− 1 mol L− 1 mol L− 1 mmol L− 1 mmol L− 1 

2 mol L− 1 KHCO3  8.4  119.4 0.99 0.01 0  1.47  
9.0  123.5 0.96 0.05 0  2.25  
9.0  123.5 0.96 0.05 30  3.98  
9.5  139.2 0.86 0.12 30  5.98  

10.0  152.5 0.69 0.27 30  7.66  
11.0  166.3 0.16 0.76 30  20.70  
12.0  169.4 0.02 0.90 90  26.04 

2 mol L− 1 K2CO3  12.6  208.0 – – 0  4.48  
211.0 – – 30  5.93  
210.0 – – 60  14.77  
210.0 – – 90  32.96  
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KHCO3 during the electrolysis reveals that increasing the KHCO3 con-
centration results in an increase of (i) H2O2 production, (ii) pH, (iii) 
conductivity, and (iv) activity of HCO3

− and CO3
2− ions (Supporting 

Information, Fig. S12a–e). It is possible that the higher anodic H2O2 
production results from a combined effect of higher pH and ratio of the 
activity of HCO3

− and CO3
2− ions in the electrolyte. Thus, we have 

investigated these two parameters in more detail, discussed in the 
following sections. 

3.4. Effect of pH 

Experiments described in the previous section showed that a higher 
concentration of HCO3

− ions boost H2O2 production. However, in the 
electrolyte, the distribution of the HCO3

− and CO3
2− ion is pH- 

dependent [37]. Upon carrying out long-term electrosynthesis, a sig-
nificant pH shift was observed towards a more acidic electrolyte, which 
leads to a change of HCO3

− / CO3
2− ratio in the solution. Earlier studies 

reporting H2O oxidation to H2O2 upon pH variation between 7 and 12.5 
in 0.5 mol L− 1 KHCO3 showed lower H2O2 production at higher pH [37]. 
The authors attributed the lower H2O2 production in more alkaline 
electrolytes to the higher concentration of CO3

2− ions. 
In this work, we have investigated in detail the effect of pH variation 

on the anodic oxidation of water by adjusting the pH of a 2 mol L− 1 

KHCO3 anolyte between 8 and 14. The pH was varied through CO2 
bubbling or KOH addition. LSVs in 2 mol L− 1 KHCO3 at pH 8.4, 9, 9.5, 
and 10 (Supporting Information, Fig. S13) revealed lower onset poten-
tial and higher current densities upon increasing the pH, indicating not 
only the increase in conductivity but also higher electrolyte reactivity in 
more alkaline medium. 

Quantitative measurements in anolytes with pH from 8.14 to 14 were 
performed in an H-cell at a constant current of 50 mA cm− 2 (Fig. 5a). 
The initial pH of a typical 2 mol L− 1 KHCO3 solution is 8.4. At this initial 
pH, 191 µmol L− 1 H2O2 is formed anodically after 10 min. Decreasing 
the pH to 8.12 causes a decline in final H2O2 concentration to 
144 µmol L− 1. Increasing the pH to 9 leads to a H2O2 concentration of 
225 µmol L− 1. However, raising pH beyond 9 causes a decline in H2O2 
production, caused by an increasing rate of decomposition of H2O2 in 
alkaline pH. Thus, at these conditions of electrolyte concentration and 
current density, the maximum H2O2 concentration was obtained at pH 9. 

A set of flow cell experiments at 100 mA cm− 2 was carried out in 
1 mol L− 1 and 2 mol L− 1 KHCO3, both at pH 8.3 and 9. Upon increasing 
the pH from 8.3 to 9, a fourfold increase in H2O2 production was ach-
ieved in 1 mol L− 1 KHCO3 (from 0.5 to 2 mmol L− 1 H2O2) and a twofold 
in 2 mol L− 1 KHCO3 (from 1.1 to 2.4 mmol L− 1 H2O2) (Fig. 5b). The pH 
was constantly monitored and regulated with KOH addition upon pH 
decrease (Fig. 5c). It is important to remark that the amount of KOH 
added is negligible compared to the KHCO3 concentration; hence it does 
not impact the a(HCO3

− ) or a(CO3
2− ). Furthermore, we observed that a 

slightly basic regime (at pH 9) enhances the electrochemical H2O2 

production. Nevertheless, increasing the bicarbonate concentration 
from 1 to 2 mol L− 1 KHCO3 at pH 9 does not significantly improve the 
H2O2 final concentration. This suggests that it is not the HCO3

− con-
centration but the pH regime or the CO3

2- concentration being affected 
by the pH regime that enhances the H2O2 production. 

Under basic conditions, HCO3
− ions dissociate into proton (H+) and 

carbonate ions (CO3
2− ) (Eq. (7)) [37,60]. Raising the pH from 8.3 to 

8.4–9 in 1 and 2 mol L− 1 KHCO3 solutions showed that a(HCO3
− ) is 

most affected by the electrolyte concentration, whereas a(CO3
2− ) varies 

accordingly with the pH change (Fig. 5d, e), due to the dissociation of 
bicarbonate in alkaline medium. In 1 mol L− 1 KHCO3, the average a 
(HCO3

− ) ions decreased by 5.5% upon increasing the pH (Fig. 5d), 
whereas the a(CO3

2− ) increased 10 times (Fig. 5e), however the absolute 
changes are the same. A similar behavior of lower a(HCO3

− ) and higher 
a(CO3

2− ) is depicted for 2 mol L− 1 KHCO3 at pH 9. A correlation be-
tween the increase in a(CO3

2− ) and an enhanced H2O2 production was 
also observed, as higher H2O2 concentrations were obtained at higher 
pH. 

CO3
2− ions have been previously reported to be unsuitable for the 

selective oxidation of water to H2O2 compared to HCO3
− ions [37,41]. 

On the other hand, Xia et al. [43] reported higher anodic H2O2 pro-
duction in 1 mol L− 1 Na2CO3 (pH 10.3) compared to 1 mol L− 1 NaHCO3 
(pH 8.3), suggesting that CO3

2− ion enhances the H2O2 production than 
the HCO3

− ions. Considering the active role of CO3
2− ions and the ten-

dency of H2O2 to undergo base-catalyzed decomposition in alkaline 
media, we have changed the electrolyte from 2 mol L− 1 KHCO3 (pH 8.4) 
to 2 mol L− 1 K2CO3 (pH 13). 30 mmol L− 1 Na2SiO3 was added to the 
anolyte to inhibit the H2O2 decomposition at high pH [67]. Changing the 
electrolyte caused an increase in the anodic H2O2 production, namely 
from 1.1 mmol L− 1 H2O2 in KHCO3 to 5.9 mmol L− 1 in the K2CO3 
electrolyte (Fig. 5f). Keeping the pH high at around 14 and changing the 
electrolyte to 2 mol L− 1 KOH + 30 mmol L− 1 Na2SiO3 resulted in 
negligible production of H2O2. Thereby, the active role of carbonate 
ions, and not of the alkaline pH regime, in promoting water oxidation to 
H2O2 was confirmed. 

During electrolysis, the pH of the 2 mol L− 1 KHCO3 electrolyte de-
creases due to the constant oxidation of OH− ions. In a typical experi-
ment, the final pH of the anolyte is 8.2 after 150 min of anodic 
polarization, irrespective of the initial pH (9 or 8.4, Fig. 6). The final 
H2O2 concentration is also 1 mmol L− 1 for both experiments. This pH 
decrease leads to a drop in both: a(CO3

2− ) and H2O2 production (Fig. 6). 
At pH 9, the peak production of H2O2 is achieved after 60 min 
(1.9 mmol L− 1 H2O2), with a subsequent decline, presumably due to 
reduced a(CO3

2− ) (Fig. 6d). Active adjustment of the pH to achieve 
constant values at 8.4 and 9 throughout the electrolysis enhanced the 
H2O2 production considerably. For instance, pH regulation at 9 pro-
moted an increase in H2O2 production after the 60 min peak, reaching 
2.2 mmol L− 1 H2O2 after 150 min. This correlation of higher pH, higher 
a(CO3

2− ), and higher H2O2 production endorses the hypothesis that 

Table 3 
A comparison of the reported work on water oxidation to H2O2 with our present study.  

Electrode Cell type Electrolyte pH [H2O2]max Conditionsa Production rate Peak FE Ref.     

mmol L− 1 j/E t EA VA S µmol min− 1 cm− 2 %  

PTFE/CFP H-Cell 1 M Na2CO3 12 3 100 420 0.36 25 ~30 23.4 66 [43] 
BDD/Nb 11.9 – 39.8 10 1.13 8.5 – 3.93 31.7 [80] 
BDD/Ti 2 M KHCO3 8 ~ 16 120 5 7.4 25 – ~ 8 28 [44] 
BDD/Ti 8 29 295 5 7.4 25 – 19.7 ~ 22 [44] 
CaSnO3/FTO Undivided 8.3 – 3.2 V 10 – 30 – ~ 4.6 76 [39] 
CaSnO3/FTO 8.3 ~ 0.9 2.2 V 720 – 30 – – – [39] 
BiVO4/FTO 1 M NaHCO3 8.3 – 3.1 V – 1 20 – 5.7 70 [38] 
CFP Flow-Cell 2 M KHCO3 8.4 1.47 100 150 10 200  0.5 1.7 This work 

12 26 100 150 10 200 90 4 13.1 CFP 
CFP 2 M K2CO3 12.6 33 100 150 10 200 90 4.5 14.3  

a j: Current density (mA cm− 2), E: Potential applied (V vs. RHE), t: Time (min), EA: Electrode area (cm2), VA: Volume of anolyte (mL), S: Stabilizer concentration 
(mmol L− 1 Na2SiO3). 
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higher a(CO3
2− ) enhances the generation of H2O2 by either generating 

peroxocarbonate species or stabilizing the peroxide and avoiding its 
further anodic oxidation by forming a percarbonate adduct [68]. 

3.5. Effect of stabilizer 

H2O2 is an unstable compound, decomposing to water and molecular 
oxygen, as shown in Eq. (18).  

2H2O2 → O2 + 2H2O                                                                    (18) 

To slow down the H2O2 decomposition, organic stabilizers such as 
aryl alkyl ketones are used in practice [69]. These stabilizers are 
redox-active compounds, which can sacrificially oxidize if added to an 
electrolytic cell. To prevent the anodic degradation of such compounds 
during H2O2 production, we have chosen a non-redox active additive to 
stabilize H2O2, namely sodium metasilicate (Na2SiO3) [67]. Previous 
experiments using 4 mg mL− 1 Na2SiO3 in 1 mol L− 1 Na2CO3 showed 
high anodic production of H2O2, up to 3 mmol L− 1 [43]. The working 
mechanism of Na2SiO3 as a H2O2 stabilizer is rather unclear. Literature 
reports for the stabilization mechanism include formation of complex 
between Na2SiO3 and H2O2 [70], formation of stable peroxide com-
pounds, stopping the decomposition chain reactions by destruction of 
the free radicals, and formation of complexes with metal impurities 
[71]. Moreover, Na2SiO3 is also accounted for the stabilization of 
anodically produced peroxocarbonate species using BDD electrodes in 
Na2CO3 electrolytes [72]. However, the role of the metasilicate for H2O 
oxidation to H2O2 has not been studied in depth. 

We have investigated anolytes without and with Na2SiO3 and their 
effect on the anodic H2O2 generation. The addition of 30 mmol L− 1 

Na2SiO3 to the 2 mol L− 1 KHCO3 anolyte controlled at pH 9 caused a 
two-fold increase in H2O2 production: from 2.2 mmol L− 1 to 4 mmol L− 1 

H2O2 (Fig. 7a). The maximum FE for H2O2 production increased from 
1% to 4%, and the production rate increased fourfold (from 0.3 to 
1.2 µmol min–1 cm–2) (Supporting Information, Fig. S14a,b). Thus, the 
presence of Na2SiO3 in solution remarkably enhanced the formation and 
accumulation of H2O2 in the electrolyte. 

The pH range of anolytes containing Na2SiO3 was varied from pH 
8.4–14 in an H-cell at 50 mA cm− 2. This preliminary screening revealed 
higher production of H2O2 at elevated pH (> 9), with peak production of 
300 µmol L− 1 H2O2 at pH 11 (Fig. 7b). At pH above 11, the H2O2 pro-
duction declined considerably, reaching 60 µmol L− 1 at pH 14. Previous 
reports on anodic H2O2 production in different pHs show higher anodic 
H2O2 generation at pH below 11.4 [73]. In this study, the presence of 
Na2SiO3 inhibits H2O2 decomposition up to pH 11. At pH higher than 11, 
more stabilizer is required for increasing H2O2 concentrations (Sup-
porting Information, Fig. S15a). 

Experiments in the flow cell showed the same pattern: higher H2O2 
concentrations were obtained in 2 mol L− 1 KHCO3 electrolytes con-
taining Na2SiO3, even at higher pH (Fig. 7c). 26 mmol L− 1 H2O2 was 
achieved at pH 12 in the presence of 90 mmol L− 1 Na2SiO3, compared to 
1.5 mmol L− 1 at pH 8.4 without the stabilizer. These results suggest that 
higher pH enhances the electrochemical production of H2O2, provided 
that a chemical stabilizer hinders its subsequent decomposition. 

Literature reports on anodic H2O2 production in different electro-
lytes and pH suggested that HCO3

− ions promote H2O2 formation, 
whereas CO3

2− ions aid to H2O2 decomposition [32]. K2CO3 electrolytes 
at pH 12.7 showed lower H2O2 production compared to other electro-
lytes with lower pH [74]. Regarding the pH variation, the Na2SiO3 
stabilizer prevented H2O2 decomposition even in high alkaline condi-
tions. Consequently, higher H2O2 concentrations were achieved at 
elevated pH. Calculations of a(HCO3

− ) and a(CO3
2− ) in the electrolyte 

show a remarkable correspondence of higher H2O2 formation with 
higher a(CO3

2− ) upon pH variation (Fig. 7c). 
To confirm the role of CO3

2− ions on H2O2 production, K2CO3 elec-
trolytes were utilized in the presence of Na2SiO3. K2CO3 electrolytes 

have been accounted for poor anodic production of H2O2 [74]. None-
theless, we find considerably high H2O2 production upon increasing the 
Na2SiO3 concentration. An initial investigation in the H-Cell revealed 
higher stabilizer concentration results in high H2O2 production, partic-
ularly in high pH regimes (Supporting Information, Fig. S17). In the 
presence of 90 mol L− 1 Na2SiO3, 33 mmol L− 1 H2O2 was obtained after 
150 min with a final FE of 14% (Fig. 7d), which is at least 20 times 
higher than the H2O2 concentration obtained in 2 mol L− 1 KHCO3 
without the stabilizer. Thus, the influence of CO3

2− ions is evident on the 
2e− oxidation of water to H2O2, as long as a chemical stabilizer is present 
to avoid peroxide decomposition. 

3.6. Summary of work and proposed mechanism 

Variation of KHCO3 concentration in the anolyte revealed higher 
H2O2 production in more concentrated solutions. Literature reports 
proposed that the HCO3

− ions oxidize to HCO4
− during the anodic po-

larization (Eq. (16)). Subsequently, HCO4
− decomposes to HCO3

− , 
thereby releasing H2O2 (Eq. (17)) [37,43,46]. Therefore, HCO3

− ions 
contribute to enhanced H2O2 formation. 

However, increasing the KHCO3 concentration results in a pH rise, 
which subsequently increases the activity of CO3

2− ions due to the 
HCO3

− / CO3
2− equilibrium. Our results of pH screening in 2 mol L− 1 

KHCO3 are in agreement with the literature, showing that highly alka-
line electrolytes are unfavorable for anodic H2O2 production [37]. 
Nevertheless, the addition of Na2SiO3 to the anolyte stabilized the H2O2 
production even in pH regimes higher than 12. Changing the anolyte to 
2 mol L− 1 K2CO3 in the presence of Na2SiO3 at pH 12 confirmed the 
influence of the CO3

2− ions activity in boosting H2O2 formation. A 
summary of the electrolyte optimization is given in Table 2, which 
shows an enhance in the anodic H2O2 production by a factor of 20 upon 
optimizing the electrolyte conditions. 

Literature reports on anodic processes in carbonate electrolytes have 
shown that CO3

2− ions can be oxidized to peroxodicarbonate (C2O6
2− ) 

(Eq. (19)) [46,68,75]. Various carbon-based materials, including 
boron-doped diamond, have been accounted for producing perox-
odicarbonate ions in solution [75–78]. Due to the poor stability of per-
oxocarbonate ions in aqueous solutions, it hydrolyses to form H2O2 and 
HCO3

− (Eq. (20)) [68,72,78]. HCO3
− ions are deprotonated to CO3

2− at 
high pH, which consequently can undergo oxidation to C2O6

2− (Eq. (7) 
and Fig. 8). We suggest a promotion effect of CO3

2− ions in alkaline 
medium resulting in higher production of H2O2, provided a suitable 
amount of stabilizer is present in the electrolyte. In situ studies to 
identify the anodic generation of C2O6

2− ions would be required to 
validate the peroxocarbonate mechanism.  

2CO3
2− → C2O6

2− + 2e− E0 = 1.80 V vs. RHE                                (19)  

C2O6
2− + 2H2O → H2O2 + 2HCO3

− (20) 

The proposed crucial role of CO3
2− ions in H2O2 formation is based 

on the activity profile of carbonate and bicarbonate ions and the H2O2 
production at different pH values (Fig. 7c). At higher pH values, the 
chemical equilibrium of HCO3

− / CO3
2− shifts to carbonate. Simulta-

neously, the H2O2 production increases, as long as a stabilizer is present 
to avoid H2O2 decomposition. Moreover, carbonate ions can be oxidized 
to peroxodicarbonate and release H2O2 via hydrolysis. In parallel to our 
investigations, the group of Gill et al. [63] demonstrated the role of 
carbonate in promoting anodic H2O2 production: first, a rotating ring 
disc electrode showed that H2O2 was not readily detected in the ring, but 
only with a time delay. This indicates oxidation of the electrolyte species 
followed by hydrolysis, thereby promoting H2O2 production. In situ 
infrared spectroscopy (ATR-FTIR) studies by the same group confirmed 
the role of carbonate and the presence of HCO4

− or C2O6
2−

peroxo-intermediates on the electrode surface at the potentials of H2O2 
generation [63]. In contrast to our results presented here, Gill et al. 
reported higher H2O2 productivity in HCO3

− than in CO3
2− electrolyte. 
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This difference lays in the use of stabilizers in our experiments. Chemical 
stabilizers enabled a superior reaction performance in higher pH re-
gimes and higher CO3

2− activities. The high pH of CO3
2− solutions will 

lead to H2O2 decomposition in the absence of a stabilizer and conse-
quently, a lower productivity compared to HCO3

− solutions. DFT cal-
culations by Mavrikis et al. also indicated an important role of CO3

2−

ions in enhancing the H2O2 production in an electrolyte mixture of 1:1 
KHCO3 and K2CO3, thus supporting our hypothesis [79]. 

A comparison of our results with those reported in the literature is 
summarized in Table 3. In this study, a maximum H2O2 concentration of 
33 mmol L− 1 was obtained, which is, to the best of our knowledge, the 
highest reported concentration of anodically produced H2O2 using CFP. 
Although the faradaic efficiency of 14.3% is not high, it is the highest FE 
obtained at such current density using pristine CFP [43]. The FE and the 
production rates, usually defined as performance parameters, are 
comparatively low and require further improvement by using foremost 
active electrode materials. Nonetheless, it is important to point out that 
we have used a low-cost, readily available carbon material as a working 
electrode. Additionally, a comparatively more significant 10 cm2 flow 
cell and higher electrolyte volume have been utilized in this study to 
demonstrate improvements in the H2O2 accumulation by optimizing the 
electrolyte composition and operating conditions. 

4. Conclusion 

The performance of low-cost commercial carbon materials as anodes 
for anodic H2O2 production was investigated through variation and 
optimization of a broad range of electrolyte composition and operating 
parameters. We showed that carbon fiber paper exhibited good selec-
tivity toward water oxidation to H2O2 and used it for further in-depth 
examinations. This study highlights the importance of tuning reaction 
conditions such as potential, current density, electrolyte concentrations, 
pH values, and utilization of stabilizer to boost the electrochemical 
water oxidation to H2O2. Supported by the calculated activity of car-
bonate species in the electrolyte, the experimental data suggested a 
strong correlation between the a(CO3

2− ) and enhanced H2O2 generation 
in KHCO3 anolytes. Keeping the activity of CO3

2− ions high by regu-
lating the pH regime to remain stable at 9 almost doubled the H2O2 
production, reaching 2.2 mmol L− 1. Thus, CO3

2− does not compete, but 
acts as a reaction mediator promoting H2O2 production. Adding Na2SiO3 
to the electrolyte as a stabilizer remarkably boosted the anodic gener-
ation of H2O2 at higher pH regimes⋅H2O2 concentration up to 
26 mmol L− 1 was obtained in 2 mol L− 1 KHCO3 at pH 12. Finally, this 
study illustrated the importance of suitable electrolyte conditions for 
improving the electrochemical oxidation of water to H2O2. Optimized 
electrolyte conditions (90 mmol L− 1 Na2SiO3 in 2 mol L− 1 K2CO3) led to 
H2O2 concentrations up to 33 mmol L− 1, at least 20 fold higher than in 
2 mol L− 1 KHCO3, which is used as a standard electrolyte. Future ap-
proaches will emphasize the optimized electrolyte condition with highly 
active electrode materials to enhance the anodic production of H2O2. 
This is subject to our ongoing work. 
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[3] G. Lewandowski, M. Kujbida, A. Wróblewska, Epoxidation of 1,5,9-cyclododeca-
triene with hydrogen peroxide under phase-transfer catalysis conditions: influence 
of selected parameters on the course of epoxidation, React. Kinet. Mech. Catal. 132 
(2021) 983–1001, https://doi.org/10.1007/s11144-021-01960-7. 
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3.2.1 Combination of cathodic and anodic production of H2O2

Herein, optimized conditions for anodic H2O2 production were applied for a combined cell producing

H2O2 at the anode and the cathode. The oxygen reduction reaction has been reported to be highly

selective for H2O2 production using carbon electrode [81]. Unmodified CFP was used as anode as

well as cathode. The cathodic production of H2O2 from O2 reduction was carried out using CFP on

gas diffusion electrodes with a compressed air flow of 50 mL min−1. The electrolysis was carried

out galvanostatically in 2 mol L−1 KHCO3 with 30 mmol L−1 of Na2SiO3 as a stabilizer at 100 mA

cm−2 with an electrolyte flow of 100 mL min−1. The pH was regulated to stay constant at 9. The

concentration of H2O2 reached up to 54 mmol L−1 after 120 minutes with an initial FE of 56% at

the cathodic compartment, whereas H2O2 concentration in the anolyte was 4 mmol L−1 after 150

minutes with an initial FE of 4%, reaching a total cell FE of 55% shown in Figure 3.7. It should be

noted that the lower FE efficiency at the cathode was due to higher applied current density of 100

mA cm−2 as well as usage of compressed air. A chronopotentiometry measurement showed that at

higher current density of 100 mA cm−2, the electrode potential difference between the Argon (Ar)

saturated electrolyte and the O2 saturated electrolyte was lower as compared to the measurement at

lower current density of 10 mA cm−2 (Figure 3.6).

Fig. 3.6 : Chronopotentiometric measurements (CP) of unmodified carbon paper at different current densities for
2 min each in 2 mol L−1 KHCO3 solutions saturated with O2 (red line) or Ar (black line).
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Fig. 3.7 : A coupled experimental study combining anodic and cathodic synthesis of H2O2. Concentration
(black line) and faradaic efficiency (blue line) for H2O2 production in the (a) cathodic and (b) anodic compartment
during 150 minutes of electrolysis at 100 mA cm−2 using a flow cell with an electolyte flow rate of 100 mL min−1

in both comparments, and compressed air flow of 50 mL min−1 in cathodic chamber.

Based on these experiments, further combined studies with improved electrode and electrocatalytic

systems could pave the way towards achieving a 200% efficiency for H2O2 production.
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3.3 Anodic generation of hydrogen peroxide in continuous flow
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In this publication, the remarkable properties of a commercial BDD electrode for the anodic pro-

duction of H2O2 in a scalable and continuous flow process was exploited. A continuous flow process

in combination with an optimized carbonate-based electrolyte established in Section 3.2 was used.

Different flow setups (circular and single-pass) as well as the effect of flow rate were investigated

and compared based on FE and production rate in continuous mode at current densities of up to

700 mA cm−2. The experimental results shown in this article depict the crucial importance of the

electrochemical process development beyond catalyst and electrolyte.
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alyzed the data, and wrote the first draft. Lénárd-István Csepei, Arne Roth, and Luciana Vieira sup-
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The electrochemical production of hydrogen peroxide (H2O2) is an appealing green alternative to the

classic anthraquinone process. Herein, we show the development of a process to produce H2O2 anodi-

cally in continuous flow at high current densities. The role of CO3
2− ion activity in enhancing the anodic

H2O2 generation using a commercial boron-doped diamond (BDD) electrode is investigated in detail. The

process development comprising the optimization of electrolyte flow type and flow rates enabled

electrochemical operation at current densities up to 700 mA cm−2, with Faraday efficiencies up to 78%,

and the highest-ever reported H2O2 production rate of 79 µmol min−1 cm−2. Continuous flow experi-

ments are essential for technical applications, which is one of the first upscaling steps. A continuous and

stable H2O2 productivity with constant production rates for up to 28 hours was achieved. Our experi-

ments unfold the importance of electrochemical process development and the interplay of the electrode,

electrolyte, and operating cell parameters to achieve a highly efficient, scalable, stable, and continuous

system for the 2e− water oxidation to H2O2.

Introduction

Hydrogen peroxide (H2O2) is a widely used chemical with a
market evaluated at $4 billion in 2020, forecasted to grow to
$5.2 billion by 2026.1 Its strong oxidizing capability enables a
broad application in the chemical industry. Moreover, because
it releases only water (H2O) and oxygen (O2) as a side-product,
H2O2 is extensively used as a green oxidant. Industrial appli-
cations include drinking water2,3 and wastewater treatment,4,5

bleaching,6 desulfurization of conventional energy carriers7

and bio-based feedstocks,8,9 sanitation,10 organic
synthesis,11–13 and aerospace fuels.14 New niche of appli-
cations in catalyst synthesis,15 biofuel generation,16 and desul-
furization of biogas17 are also expected to ramp up the
demand for H2O2 in the future. Hence, in the context of these
broad application spectra, H2O2 is among the 100 most essen-
tial chemicals globally.18,19

The industrial production of H2O2 is mainly through the
anthraquinone autoxidation (AO) process. The AO-process is

considerably energy-demanding (aggregate consumption up to
17.6 kW h kg−1 H2O2),

20 uses large amounts of organic sol-
vents and involves remarkable risks associated with hydrogen-
ation and oxidation reactions under high H2/O2 pressure.21

Furthermore, it requires expensive palladium-based catalysts
and complex, large-scale equipment.22 The industrial AO
process involves distillation of H2O2 to generate large volumes
of concentrated solution (from 40 to 70 wt%),23 which is
required for its transportation and very specific applications.
Nevertheless, the primary use of H2O2 in bleaching and disin-
fectant requires H2O2 concentrations from 3 to 8 wt%.24,25

While transportation of H2O2 in high concentrations is risky,
shipping in lower concentrations poses the disadvantage of
moving mainly water, thus negatively affecting the carbon foot-
print and economic viability of the product. Therefore, a porta-
ble device for decentralized and on-demand H2O2 production
only based on water, air, and (renewable) electric energy as
input provides a desirable local and “green” solution for the
supply of H2O2 where it is needed.

The electrochemical production of H2O2 is based on water,
air, and renewable electric energy as primary feedstocks.
Therefore, it is an elegant green solution for onsite and on-
demand H2O2 production, also avoiding risks associated with
large-scale storage and transportation of highly concentrated
H2O2 solutions.22 There are two electrochemical routes for
H2O2 production: the cathodic oxygen reduction reaction
(ORR, eqn (1)) and the anodic water oxidation reaction (WOR,
eqn (2)). Both pathways involve a two-electron transfer reac-
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tion.22 The WOR pathway at the anode is particularly attractive
because it can be coupled with cathodic reactions running on
large scales, such as the CO2 reduction reaction (CO2RR) and
the water electrolysis for hydrogen evolution reaction (HER).26

Currently, both reactions are coupled with WOR to O2, which
besides being harmless, is an economically insignificant half-
cell reaction and utilizes expensive and critical electrode
materials such as iridium.27,28 Combining anodic and catho-
dic processes that generate value-added products can enhance
the overall cost efficiency of the whole production process.

O2 þ 2Hþ þ 2e� ! H2O2 E° ¼ 0:67 V vs: RHE ð1Þ

2H2O Ð H2O2 þ 2Hþ þ 2e� E° ¼ 1:76 V vs: RHE ð2Þ
The electrochemical WOR to H2O2 has gained massive

interest in the last years. A strong focus on catalyst develop-
ment has been crucial for reaction improvement leading to a
significant increase in efficiency, selectivity, and stability.
Catalysts based on metal oxides such as CaSnO3,

29–31 BiVO4,
32

and ZnO,33 as well as on metal porphyrin complexes of Ge34

and Al35 have been reported to be highly active catalysts for
WOR. Another class of promising materials are boron-doped
diamond (BDD) electrodes.36–38 BDDs are robust electrodes
with remarkably high overpotential for oxygen evolution reac-
tion (OER). By suppressing O2 evolution, high efficiency for
H2O2 production is obtained on BDD.39 Such materials have
been used as anode for waste-water treatment for a long
time.40 Recent progress on the properties of BDD materials
has significantly enhanced H2O2 production performance,
leading to outstanding production rates of 74.6 µmol min−1

cm−2 H2O2 and peak faradaic efficiency (FE) of 87%.38

Nevertheless, all reports of WOR to H2O2 on BDD have so
far been carried out in electrochemical H-cell setups.37,38 In
this context, the process transfer to electrochemical flow cells
would be the first step toward technical applications, continu-
ous production and scale-up.41 Despite the remarkable
benefits of electrochemical flow systems in terms of their oper-
ational conditions and scalability potential, only a few studies
on WOR in flow cells have been reported up to date.36,42

Herein, we exploit the remarkable properties of a commer-
cial BDD electrode for the anodic production of H2O2 in a scal-
able and continuous flow process. Our previous work reported
a direct relationship between the ionic activity of CO3

2− and
enhanced anodic H2O2 production on commercial carbon
fiber paper (CFP) anodes.42 A cyclic mechanism of H2O2 pro-
duction catalyzed by carbonate ions was proposed through the
formation of peroxodicarbonate species (C2O6

2−) (eqn (3) and
(4)).42

2CO3
2� ! C2O6

2� þ 2e� E° ¼ 1:80 V vs: RHE ð3Þ

C2O6
2� þ 2H2O ! H2O2 þ 2HCO3

� ð4Þ
This mechanism was based on the correlation between the

calculated activity of carbonate ions (CO3
2−) in the electrolyte

and the observed H2O2 formation rate, later confirmed by
in situ infrared spectroscopy (ATR-FTIR) by Gill et al.43

In the present study, we extended the scope to show a con-
tinuous flow process using a commercial BDD electrode in
combination with an optimized carbonate-based electrolyte
system. We investigated and compared different flow setups
(circular and single-pass) as well as the effect of flow rate on
FE and production rate in continuous mode at current den-
sities of up to 700 mA cm−2. Our experimental results show
the crucial importance of the electrochemical process develop-
ment beyond catalyst and electrolyte.

Experimental section
Materials

Potassium hydrogen carbonate (KHCO3, Sigma Aldrich,
99.5%), potassium carbonate (K2CO3, ReagentPlus®, 99%),
titanium(IV) oxysulfate (TiOSO4, ≥29% Ti (as TiO2) basis, tech-
nical), and sodium metasilicate (Na2SiO3) were purchased
from Sigma Aldrich. Potassium hydroxide (KOH, ≥85%) was
obtained from Carl Roth. All materials and chemicals were
used as received.

Electrochemical experiments

Electrochemical measurements were performed using an
Autolab PGSTAT128N potentiostat/galvanostat equipped with a
10 A booster. A two-compartment H-cell divided by Nafion 117
(Ion Power, Germany) cation exchange membrane (CEM) was
used for preliminary studies. The anode was a 5 cm2 (geo-
metric area) BDD electrode sputtered on a Si substrate and
with boron doping between 2000 to 5000 ppm (DIACHEM®,
Condias GmbH, Fig. S1, ESI†). The auxiliary cathode was an
IrO2/Ti mesh, and the reference electrode a Ag/AgCl system in
3.5 mol L−1 KCl (eDAQ). The gap between cathode and anode
was 6 cm. Each compartment of the H-cell was filled with
25 mL of electrolyte. Linear sweep voltammetry (LSV) was
recorded at a scan rate of 100 mV s−1. Galvanostatic experi-
ments were carried out at current densities ranging from 10 to
300 mA cm−2 using bicarbonate (HCO3

−) and carbonate
(CO3

2−) electrolytes. Current densities were calculated based
on the geometric area of the electrode. Chronopotentiometry
measurements were performed under a constant stirring rate
of 1000 rpm with a Teflon coated magnetic stirrer. An ice bath
was used to avoid thermal decomposition of generated H2O2.
The potentials are reported against the reversible hydrogen
electrode (RHE), calculated by the eqn (5).

EðRHEÞ ¼ EAg=AgCl þ 0:059 pHþ E°Ag=AgCl E°Ag=AgCl ¼ 0:205 V ð5Þ

Experiments under flow were performed using a microflow
cell (Electrocell, Denmark) with a unique design from Siemens
Energy for the CO2EXIDE project (Horizon 2020, grant agree-
ment no. 768789). The cell was equipped with 10 cm2 (3 × 3.5
cm) electrodes (cathode and anode) separated by a Nafion
117 membrane. A carbon electrode was used as a cathode, and
DIACHEM® BDD/Ta (2000–5000 ppm B doping, Condias
GmbH) was used as an anode, with an electrode distance of
8 mm. If not otherwise specified, the anolyte and catholyte
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volume were 200 mL for each half-cell. The electrolyte flow was
controlled by a flow pump (Watson-Marlow) in a flow range
varying from 2 to 120 mL min−1. The pH and conductivity of
the electrolyte were monitored with a pH-meter (VWR pH
3210) and a conductometer (VWR pHenomenal® CO 3100 H),
respectively. All flow experiments were carried out with 2 mol
L−1 K2CO3. The electrolyte flow setup was varied as circular or
single-pass. Circular flow experiments were performed at a
constant flow rate of 100 mL min−1, with Na2SiO3 as a stabil-
izer in the electrolyte and regulated at a pH of 12.6. The single-
pass flow rate was varied between 5 and 100 mL min−1.
Moreover, in single-pass flow experiments, the electrolyte con-
taining H2O2 was collected in a separate reservoir. Anolyte
samples were collected periodically after having passed the cell
and before collecting in the reservoir.

Quantitative product analysis

The quantification of the anodically generated H2O2 was per-
formed using the TiOSO4 method as described in the
literature.39,44,45 In short, 0.1 mol L−1 TiOSO4 in 2 mol L−1

H2SO4 solution was prepared prior to the H2O2 detection.
25 μL of anolyte sample was mixed with 975 µL of 0.1 mol L−1

TiOSO4 solution in a standard cuvette. In the presence of
H2O2, a color change from colorless to yellow is observed due
to the formation of pertitanic acid (eqn (6)). The absorbance of
pertitanic acid was measured at 407 nm using a Shimadzu
UV-1800 spectrophotometer. The molar extinction coefficient
(ε407nm) is 6.89 × 102 L mol−1 cm−1.46

H2O2 þ TiO2þ þH2O ! H2TiO4 þ 2Hþ ð6Þ
The faradaic efficiency (FE) was calculated with eqn (7):

FEð%Þ ¼ nH2O2 � z � F
q

� 100 ð7Þ

where nH2O2
is the number of moles of H2O2 (in mol) pro-

duced, z is the electrons required for water oxidation to H2O2

(z = 2), F is the faradaic constant (96 485 C mol−1), and q is the
total charge passed (in Coulombs).

The H2O2 production rate is given by eqn (8):

Production rateðμmolmin�1 cm�2Þ

¼ H2O2 detectedðμmolÞ
timeðminÞ � area of the electrodeðcm2Þ : ð8Þ

The energy consumption was calculated according to eqn
(9).

ECðkWhkg�1Þ ¼ U � z � F
M � FE� 3600

� 100: ð9Þ

where U is the applied cell potential (in V), and M is the molar
mass of H2O2 (in g mol−1).

Calculation of ionic activities for HCO3
− and CO3

2−

The ionic activity of the bicarbonate (a(HCO3
−)) and carbonate

(a(CO3
2−)) ions were calculated as previous reported (eqn (S1)–

(S6), ESI†).42

Results and discussion

With the objective of achieving unprecedented levels of per-
formance for the anodic H2O2 generation under technically
relevant and scalable operational conditions, this study is
divided into two parts: (i) a preliminary evaluation of the elec-
trolyte in an H-cell configuration and (ii) an electrochemical
process optimization in a continuous flow reactor. In the first
part, the effect of the electrolyte composition on WOR to H2O2

is qualitatively and quantitatively evaluated. In the second
part, the process is transferred to a continuous flow reactor
under optimized electrolyte conditions, where the effect of
flow setup and flow rate is investigated and optimized towards
higher anodic H2O2 productivity.

The electrolyte effect

Bicarbonate solutions have been widely used for WOR to
H2O2.

37,43,47 The molar fraction of the bicarbonate (HCO3
−)/

carbonate (CO3
2−) species in solution is dependent on the pH

of the electrolyte (eqn (10) and (11)).

H2CO3 Ð HCO3
� þHþ ðpKa;1 ¼ 3:7Þ ð10Þ

HCO3
� Ð CO3

2� þHþ ðpKa;2 ¼ 10:3Þ ð11Þ
Basic pHs favor higher activity of carbonate ions, which pro-

motes the WOR to H2O2 through the intermediate
formation of peroxodicarbonate species (C2O6

2−, Scheme S1,
ESI†).42,43 Although the benefits of high pH are significant, it
can be detrimental due to the low stability of H2O2 under alka-
line conditions. Therefore, a chemical stabilizer was added to
the anolyte to decelerate the alkaline decomposition of
H2O2.

42

WOR in 2 mol L−1 solutions of bicarbonate (KHCO3, at pH
8.4) and carbonate (K2CO3, at pH 12.6) electrolytes were evalu-
ated by linear sweep voltammetry (LSV) on BDD electrodes
(Fig. 1a). The two electrolytes show a distinct current density
profile. At +3.2 V vs. RHE, the current density is substantially
higher for K2CO3 (155 mA cm−2) compared to KHCO3 (140 mA
cm−2). The onset potential, defined as the potential where the
current density starts to increase exponentially, is also con-
siderably lower for carbonate (+2.45 V vs. RHE) than for bicar-
bonate solutions (+2.66 V vs. RHE). Both aspects, higher
current density and low onset potential, indicate a higher
electrochemical activity for WOR in K2CO3 electrolytes com-
pared to KHCO3.

The effect of current density on H2O2 production for these
two carbonate-based electrolytes (HCO3

− and CO3
2−) was

further evaluated by chronopotentiometry (CP) at pH 8.4 and
pH 12.6 (Fig. 1b). Increasing the current density results in a
higher H2O2 concentration for both electrolytes, yet carbonate-
based electrolytes lead to higher overall H2O2

concentrations.38,42,48 A maximum of 70 mmol L−1 of H2O2

was obtained in carbonate at 300 mA cm−2, compared to only
16.4 mmol L−1 H2O2 in bicarbonate.

The FE at applied different current densities showed a peak
of 57% in carbonate solutions at 100 mA cm−2, whereas the
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FEs in bicarbonate electrolytes lay between 10 and 15% for all
current densities (Fig. 1c). Higher FE for carbonate solutions
(at least four times higher than in bicarbonate) confirms that
higher pH regimes enhance the electrochemical production of
H2O2 on BDD anodes, consistent with our previous studies
with carbon anodes.42 At current densities higher than 100 mA
cm−2, the FE decreases, reaching 36% at 300 mA cm−2, where
the highest H2O2 concentration was achieved. This lower FE,
despite higher net H2O2 concentrations, indicates a combined
effect of enhanced oxygen evolution and electrolytic H2O2

decomposition.37 Notwithstanding, anodic H2O2 formation
reached a partial current density ( jH2O2) of 110 mA cm−2 and
a production rate of 35 µmol min−1 cm−2 at 300 mA cm−2

(Fig. S3, ESI†).
As different carbonate species (H2CO3, HCO3

−, and CO3
2−)

can be formed by varying the pH of the solution, the ionic
activity for HCO3

− (a(HCO3
−)) and CO3

2− (a(CO3
2−)) species in

the electrolyte was calculated as a function of pH for the range
of pH 8.4 to 12.6 (Fig. 1d). In the same pH range, the anodic
H2O2 production at 300 mA cm−2 was evaluated experi-
mentally. The pH of the 2 mol L−1 KHCO3 was adjusted using
KOH salt. The calculated activity profile for a(HCO3

−) and
a(CO3

2−) show a remarkable correlation with the experi-
mentally measured anodic H2O2 production. Higher a(CO3

2−)
at higher pH values lead to significantly higher H2O2 concen-
trations. A considerable visual difference in the anode was also
observed at higher pH values, as the O2 evolution substantially
decreased. Higher H2O2 production at higher pH is consistent
with our proposed mechanism, which involves the oxidation of

carbonate ions to peroxodicarbonate species as
intermediates.42

WOR in a continuous flow reactor

Envisioning the scale-up and technical application of
anodic water oxidation to H2O2, a flow cell setup was used for
further investigations. The electrochemical flow mode/
setup (circular or single-pass), the electrolyte flow rate, and the
long-term stability of the system were investigated and
optimized.

Anodic H2O2 production in circular flow

Circular flow experiments allow the increase of product con-
centration in the electrolyte reservoir by recirculating it
through the cell multiple times (Fig. 2a and Fig. S4, ESI†).
Galvanostatic experiments on circular flow were carried out at
current densities of 100, 200, and 300 mA cm−2 (Fig. 2b) with a
constant flow rate of 100 mL min−1. The highest H2O2 concen-
tration was obtained at 200 mA cm−2 (58 mmol L−1) after recir-
culating for 150 minutes. In all experiments, the FE reached
its maximum peak at 15 minutes, and longer reaction times
resulted in lower FE and formation rates (Fig. 2c and Fig. S5a,
ESI†), indicating not only WOR to O2 as also the electro-
chemical decomposition of H2O2. Such production rate
decrease with time was also observed in H-cell experiments
(Fig. S6, ESI†), and it is consistent with the literature.37,42,49

The specific electric energy consumption for the anodic
H2O2 generation was calculated for the first reaction stage of
high formation rate (first 15 minutes, Fig. 2d) and for the

Fig. 1 WOR to H2O2 in 2 mol L−1 KHCO3 and K2CO3 electrolytes. (a) Anodic LSV starting from +0.18 V vs. Ag/AgCl (calculated vs. RHE) with a scan
rate of 100 mV s−1. (b) H2O2 concentration and (c) FE at the indicated applied current densities for 10 minutes at each step. (d) Galvanostatic polariz-
ation at 300 mA cm−2 for 10 minutes in 2 mol L−1 KHCO3 (at adjusted pH values from 8.4 to 12) and 2 mol L−1 K2CO3 (pH 12.6) and the corres-
ponding calculated ionic activity for HCO3

− and CO3
2− ions. The experiments were performed using a 5 cm2 BDD anode in a two-compartment

H-cell cooled in an ice bath. The electrolyte was changed between the galvanostatic steps and kept under constant stirring of 1000 rpm.
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whole reaction time (150 minutes, Fig. S5c and Table S1, ESI†).
The specific energy consumption of a product is one of the
most basic approaches to determining the unit energy con-
sumption.50 The first reaction stage at 100 mA cm−2 had a
specific energy consumption of 19.3 kW h kg−1, which raised
considerably to 26 kW h kg−1 at 300 mA cm−2. After
150 minutes of reaction with recirculation (75 cycles), the
specific energy consumption was as high as 196 kW h kg−1 at
300 mA cm−2 (Fig. S5c and Table S1, ESI†). At a flow rate of
100 mL min−1 and 200 mL anolyte volume, each recirculation
cycle takes 2 minutes. The increase in energy consumption
after 15 minutes is mainly due to the electrochemical H2O2

decomposition at the electrode surface, which can be particu-
larly prominent at higher current densities (as observed at
300 mA cm−2). It is important to notice that the aggregate
energy consumption for classical anthraquinone process is in
about 17.6 kW h kg−1 H2O2.

20 Hence, energy efficiency needs
to be improved further for WOR-based H2O2 production.
Therefore, a compromise in process parameters (current
density, cell potential, cell design, membrane resistivity, etc.)
should be found.

The effect of recirculating the electrolyte on the anodic
generation and electrodecomposition of H2O2 was investigated
stepwise by decreasing the electrolyte flow rate from 100 to
10 mL min−1 and limiting the recirculating steps to four
(Fig. 3). Each cycle lasted for 20 minutes, thereafter the electro-
lyte was recirculated for a new pass cycle. An increase in H2O2

concentration was observed with each consecutive cycle at 100
and 300 mA cm−2, albeit FE and production rate decreased.
The H2O2 concentration in the anolyte reached 46 and
110 mmol L−1 after four cycles at 100 and 300 mA cm−2,
respectively (Fig. 3a). However, the FE decreased from 40% to
33% (1st to 4th cycle) at 100 mA cm−2 and from 45% (1st cycle)
to 6% during the 4th cycle at 300 mA cm−2 (Fig. 3b). A drastic
decrease in production rate (Fig. 3c) from 41 to 7 µmol min−1

cm−2 (70% decrease) at 300 mA cm−2 in comparison to only
12% decrease at 100 mA cm−2 was observed. The decrease in
FE and formation rate with cycle is an effect of the decompo-
sition of electrochemically produced H2O2 on the electrode
surface after recirculation, particularly at high current den-
sities, as also observed in continuous circular flow experi-
ments. Additionally, the pH of the electrolyte also decreased
with each cycle (Fig. 3d) due to the constant oxidation of OH−

ions to O2. This pH decrease was more pronounced for higher
current densities. Thus, the remarkable decline in production
rate observed at 300 mA cm2 can also be due to the drop in
pH, as it plays a direct role in the a(CO3

2−), consequently, in
the peroxodicarbonate formation and H2O2.

42 A considerable
drop in the electrolyte conductivity was observed at a high
current density (Fig. S7a, ESI†). The cell potential remained,
nevertheless, essentially constant during all four cycles
(Fig. S7b, ESI†). Increasing the number of cycles increases the
overall product concentration, however it has the drawback of
decreasing the production rate, and consequently increasing

Fig. 2 Anodic H2O2 production in a circular flow reactor. (a) Schematic representation of the flow cell with circular flow. (b) H2O2 concentration and
(c) FE obtained at different applied current densities. (d) Energy consumption to produce 1 kg of H2O2 based on the peak FE (at 15 min) at each applied
current density. The flow cell was equipped with a carbon cathode and a BDD/Ta anode (both with a 10 cm2 geometric area) separated by a Nafion
117 membrane. Each cell compartment contained a reservoir with 200 mL of 2 mol L−1 K2CO3 electrolyte circulating at 100 mL min−1 flow rate.
90 mmol L−1 Na2SiO3 was added to the anolyte as a chemical stabilizer to avoid H2O2 decomposition. The pH of the anolyte was kept constant at 12.6.
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the specific energy consumption for H2O2 production
(Fig. S7c, ESI†).

Chemical stabilizers can slightly decrease the decompo-
sition of H2O2 in the electrolyte. Sodium silicate (Na2SiO3) is a
particularly attractive stabilizer because it is not redox-active,
thus it does not affect the electrode reactions.36,42 Circular
flow experiments using anolyte with and without Na2SiO3

revealed that the silicate stabilizer considerably enhances
H2O2 stability upon recirculation (Fig. S8, ESI†). Nevertheless,
the challenge of anodic H2O2 decomposition can be tackled by
regularly replacing the electrolyte in batches or optimizing the
flow rate for maximum and continuous H2O2 productivity
without recirculation (single-pass flow).

Single-pass flow

A single-pass flow mode was employed to minimize perform-
ance losses through electrochemical decomposition upon
anolyte recirculation (Fig. 4a and Fig. S9, ESI†). In this setup,
the anolyte containing the electrochemically generated H2O2 is
not recirculated but optimized for maximum continuous
production.

Electrolytic steps of 20 minutes at 10 mL min−1 electrolyte
flow rate were carried out at current densities ranging from
100 to 700 mA cm2. The concentration of anodically generated
H2O2 was directly proportional to the current density (Fig. 4b).
Starting at 12 mmol L−1 at 100 mA cm−2, a maximum of
79 mmol L−1 H2O2 was obtained at 700 mA cm−2. The H2O2

production rate was stable and constant during the 20 minutes
step, and a maximum of 79 µmol min−1 cm−2 was obtained at

700 mA cm2 (Fig. S10b and c, ESI†). To the best of our knowl-
edge, this is the highest production rate for the anodic H2O2

generation so far reported. A detailed literature comparison of
production rates is shown in Table S2, ESI.† The partial
current density to produce H2O2 ( jH2O2) reached 250 mA
cm−2 (Fig. S10d, ESI†). It is important to remark that this
single-pass setup allowed reaching considerably higher current
densities, up to 700 mA cm−2. In this regard, techno-economic
studies show that the economic (cost-related) performance of
anodic H2O2 generation can be enhanced by increasing the
current density.39,51

A maximum FE of 50% was achieved at 300 mA cm−2

(Fig. 4b), which dropped to 35% at 700 mA cm−1. This FE
decreases upon increasing current density is likely due to an
increase in O2 evolution. Although the cell potential
increased at higher current densities (from 4.7 V at 100 mA
cm−2 to 9 V at 700 mA cm−2, Fig. S11, ESI†), the total cell
potential is still below the maximum recommended (11 V) to
enable the technical feasibility of the setup in combination
with HER.39

The specific energy consumption was around 20 kW h kg−1

for current densities up to 300 mA cm−2 (Fig. 4c). However, the
energy consumption takes a steady steep at higher current den-
sities, increasing to 40 kW h kg−1 at 700 mA cm−2, as a con-
siderable share of energy consumption is used for O2 pro-
duction.42 Since the highest FE and relatively low specific
energy consumption were obtained at 300 mA cm−2, further
optimizations with the single-pass flow were performed at this
current density.

Fig. 3 H2O2 generation under electrolyte flow with multiple recirculation cycles. (a) Anodic H2O2 concentration, (b) FE, (c) production rate, and (d)
pH change. The experiments were carried out in a flow cell equipped with 10 cm2 BDD as anode and recirculated with 2 mol L−1 K2CO3 containing
90 mmol L−1 Na2SiO3 at 10 mL min−1

flow rate. The total volume of the electrolyte was 200 mL. Experiments were performed in 4 cycles of electro-
lyte flow (indicated as C1 to C4) of 20 minutes each.
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Effect of stabilizers at single-pass flow

A chemical stabilizer is essential to avoid chemical and electro-
chemical decomposition of H2O2, particularly in a circular
flow setup, as observed in our experiments with and without
Na2SiO3, where higher H2O2 concentrations were obtained in
the presence of the silicate (Fig. S8, ESI†).42 However, in a
single-pass flow mode, the electrochemical H2O2 decompo-
sition can be minimized by optimizing the residence time of
the electrolyte in contact with the electrode surface. Hence, a
stabilizer may no longer be necessary.

To validate this hypothesis and to elucidate the effect of
chemically stabilizing agents in a single-pass flow system,
experiments at 300 mA cm−2 were carried out with and
without a stabilizer. In a single-pass mode, a similar H2O2 con-
centration of 52 mmol L−1 was obtained, independently of the
presence of Na2SiO3. However, when the electrochemically pro-
duced H2O2 was stored for 3 hours without any applied
current, the H2O2 concentration decreased by 42% (from 52 to
29 mmol L−1) in the absence of the stabilizer, compared to
only 8% (53 to 49 mmol L−1) in its presence (Fig. 5). Thus, the
use of Na2SiO3 as a stabilizer in single-pass mode does not
necessarily enhance the electrochemical H2O2 formation, it
rather inhibits the chemical decomposition of H2O2 during
storage and thereby increases its bench life. Hence, immediate
use of H2O2 in on-site applications can abstain from chemical
stabilizers, which could consequently influence the total
process costs. In cases requiring intermediate storage of the

generated H2O2, however, stabilizers are recommended to
avoid substantial chemical losses.

Effect of flow rate

The flow rate optimization maximizes the transient electrolyte
time in the electrochemical cell and, consequently, the con-
tinuous anodic H2O2 production in single-pass flow. The
experiments described to this point had a constant flow rate of
10 mL min−1. Variation of the flow-rate in the range of 5 to

Fig. 4 Anodic H2O2 production in a single-pass mode flow reactor. (a) Schematic representation of the flow cell with a single-pass flow setup. (b)
Average H2O2 concentration, FE, and (c) specific energy consumption at different current densities (20 minutes steps). 200 mL of 2 mol L−1 K2CO3 +
90 mmol L−1 Na2SiO3 was used as an anolyte at a 10 mL min−1 flow rate without recirculation. The flow cell was equipped with a BDD/Ta working
electrode (10 cm2 geometric area) and a carbon cathode.

Fig. 5 Effect of stabilizer on the stability of electrochemically produced
H2O2. Change in H2O2 concentration during electrolyte storage in the
absence (■) and presence ( ) of 90 mmol L−1 Na2SiO3 in 2 mol L−1

K2CO3. The H2O2 was anodically generated for 20 minutes at 300 mA
cm−2. Thereafter, electrolyte samples were taken at 30, 60, 120, and
180 minutes from the storage reservoir.
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100 mL min−1 in single-pass flow at a constant current density
of 300 mA cm−2 shows contrasting shapes for H2O2 concen-
trations and FE at different flow rates (Fig. 6a). Slower flow
rates (5 mL min−1) lead to higher H2O2 concentrations
(75 mmol L−1), however, to lower FE (40%). Speeding the flow
rate decreases the residence time of a specific electrolyte
volume in the vicinity of the electrode, thus minimizing rele-
vant side-reactions, such as O2 evolution and electrodecompo-
sition of H2O2, and resulting in higher FE and production rate
(Fig. 6b). Nevertheless, higher flow rates also decrease the
H2O2 concentration and increase the required electrolyte
volume per time, which can be costly. Therefore, a compro-
mise between H2O2 concentration and FE must be considered
depending on the application of anodic H2O2 production in
continuous flow.

Moreover, the corresponding specific energy consumption
decreased by around 50% (from 25 kW h kg−1 to 13 kW h
kg−1) upon increasing the flow rate from 5 to 100 mL min−1

(Fig. 6b). Considering the cost of renewable electricity of 3
cents($) per kW per h,36,52 the specific electricity-related cost
of anodic H2O2 generation ($ per kg H2O2) at 300 mA cm−2 is

estimated at $0.77 per kg at 5 mL min−1 and $0.4 per kg at
100 mL min−1 (Fig. S12, ESI†). Commercial H2O2 from the
anthraquinone process is currently priced at $1.50 per kg
without transportation costs.36 Nonetheless, it should be
noted that our figures for calculated specific energy consump-
tion only include the electric energy required for electro-
chemical cell operation. Hence, the estimated electricity cost
reported in this study is specific to this lab-scale electro-
chemical cell. Certainly, other operating costs (e.g., material
consumption, cell design, cathode material, membrane type,
and downstream processing) could and will substantially con-
tribute to the overall cost structure of H2O2 production via
WOR. Yet, the cost of electricity to produce H2O2 at the anode
can be further reduced by combining it with an optimized
cathodic half-cell reaction such as HER, CO2RR, or ORR to
replace the current WOR to O2.

Finally, a long-term stability study using the optimized
single-pass flow setup was performed to produce H2O2 con-
tinuously. The stability of the electrochemical system is essen-
tial for its technical application, as it reduces the occurrence
of component failures and the associated need to disassemble

Fig. 6 Flow rate effect on the continuous anodic H2O2 generation. (a) Anodic H2O2 concentration and FE, (b) production rate and specific energy
consumption to produce 1 kg H2O2 at different electrolyte flow rates. Experimental conditions: single-pass flow of 200 mL anolyte (2 mol L−1

K2CO3) at a constant current density of 300 mA cm−2. The same electrolyte volume was used for each flow rate, resulting in different durations of
the individual experiments. (c) Electrode stability test in a continuous flow setup: H2O2 concentration, FE, production rate, and cell potential at a
10 cm2 BDD at a constant current density of 300 mA cm−2 with a single-pass flow mode of 2 mol L−1 K2CO3 electrolyte at a flow rate of 5 mL min−1.
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and reassemble the reactor.53 Galvanostatic experiment at
300 mA cm−2 was performed in 2 mol L−1 K2CO3 at a 5 mL
min−1 flow rate for 28 hours (Fig. 6c). Anolyte samples were
taken directly from the electrochemical cell outlet, showing a
continuous generation of H2O2 for 28 hours with a constant
concentration of about 80 mmol L−1 and a constant FE of
40%. An average production rate of 40 µmol min−1 cm−2 was
observed with a stable cell potential of 6.3 V throughout the
experiment. This stability experiment highlights the effective-
ness of an optimized electrochemical setup. Previous reports
on electrode stability for WOR to H2O2 using carbonaceous
electrodes are restricted to batch mode (H-cells) with low elec-
trolyte volume and at current densities from 100 to 200 mA
cm−2 with a maximum time of 10 hours.31,36,38 Our last study
using commercial carbon fiber paper electrodes reported
stable operation for up to 17.5 hours at 100 mA cm−2.42

Herein, we expanded the potential of process development for
WOR to H2O2 to reach considerably higher current densities
and continuous stable production at a robust commercial BDD
electrode. This is also the first comprehensive study of an
electrochemical flow system for WOR to H2O2, which remains
stable for 28 hours. Such investigations are essential for future
technical electrochemical applications. Moreover, considering
that BDD anodes are already used in several electrochemical
industrial processes with a lifetime up to several months,54 it
can be expected that H2O2 generation through WOR at BDD
anodes can also be operated with high stability and perform-
ance for a considerably longer time. Electrode and process
stability is an important step forward in terms of scale-up and
utilization.

Conclusions

This research work demonstrates that beyond the catalyst
development, the process parameters (including electrolyte
type, pH, flow type, and flow rate) can dramatically affect the
efficiency of anodic H2O2 production and, consequently, the
technical process implementation. The continuous flow
process has been developed with commercially available and
scalable BDD anodes. Hence, it highlights a robust, stable,
and promising foundation for piloting. Future work includes
the combination of the anodic H2O2 production with value-
added cathodic reactions, with the objective of utilizing the
invested redox equivalents most efficiently by exploiting both
half-cells. Considering the still high capital expenses for BDD
electrodes, other low-cost carbon-based materials are a promis-
ing area for further exploration in searching for efficient and
scalable WOR to H2O2. In this context, such research should
be performed with a clear perspective of future industrial
applications, focusing on relevant and scalable process con-
figurations, as well as resource efficiency, investment, oper-
ational cost, and operational stability.

The electrochemical H2O2 production is nonetheless not a
replacement for the current industrial AO process. From the
perspective of mobile electrochemical prototypes, this is rather

an expansion of the H2O2 market to accommodate decentra-
lized solutions, especially in remote areas where transpor-
tation of H2O2 is difficult. As an additional benefit, the anodic
H2O2 production could be combined with hydrogen pro-
duction, thereby also diversifying and adding value to the
hydrogen industry.
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ABSTRACT: The electrochemical production of hydrogen
peroxide (H2O2) via 2-electron (2e−) water oxidation reaction
(WOR) has gained colossal interest recently. Carbon materials are
highly active for anodic H2O2 generation, particularly boron-doped
diamond (BDD) electrodes. However, the cost of BDD is
exceedingly high compared to basic carbon materials. Herein, we
present a study of WOR on bipolar plates (BPP) as a low-cost
alternative and stable electrode for generating H2O2 anodically.
Three different commercial BPP with different polymer content
were investigated, revealing an effect of the fluoropolymer content
in the H2O2 generation. Our experiments show a stable production
of H2O2 for up to 100 h at a current density of 200 mA cm−2, with
a constant faradaic efficiency of 40% obtained with a BPP sample with high content of fluoropolymer. This work demonstrates how
commercial carbon electrode materials, that can be produced at large scale and low cost, can selectively oxidize water to H2O2. This
combination of high performance with scalable and cheap production of the electrode material enables the economically viable
technical application of anodic H2O2 production.
KEYWORDS: Expandable graphite, Electrocatalysis, Hydrogen peroxide, Anodic H2O2 production, Water oxidation

■ INTRODUCTION
Hydrogen peroxide (H2O2) is an important chemical product
widely used in industry due to its strong oxidizing capability. It
is applied for bleaching, disinfection, sanitation, chemical
synthesis, and as aerospace fuel.1−3 The anthraquinone auto-
oxidation (AO) process accounts for by far the largest share of
industrial H2O2 production. However, this industrial process
requires hydrogenation steps with pressurized H2 on Pd-based
catalysts, followed by oxidation with O2.

1 The remaining steps
of the AO process include extraction of anthraquinone,
distillation, and purification of H2O2, overall representing an
energy-intensive process with considerably high operating
costs.4 Furthermore, the AO process is typically operated in
large-scale centralized production plants, which inherently
involves the need for transportation of the produced H2O2 to
consumers, entailing the consumption of fossil fuels and the
risks associated with the handling of a dangerous good such as
H2O2. Considering the fact that 95% of the total global
production volume of H2O2 (6 Mt/y) originates from the AO
process,5 these challenges and risks are substantial and clearly
show that H2O2 production processes are urgently needed that
use both renewable raw materials and renewable energy
sources.
The electrochemical production of H2O2 provides a

decentralized and on-demand alternative, which can easily be
operated at the location where it is needed. Compared to the

conventional AO process, the on-site electrochemical synthesis
of H2O2 from renewable electric energy and the abundant raw
materials oxygen (O2) and water (H2O) is appealing for many
applications, particularly in remote places where transportation
is difficult. Thus, it provides a green and sustainable solution
for on-site and on-demand production. The most common
electrochemical pathway to produce H2O2 is the cathodic 2e−

oxygen reduction reaction (ORR, eq 1), which has achieved
significant progress in terms of production rate and faradaic
efficiency (FE).1,6,7 On the other hand, the anodic 2e− water
oxidation reaction (WOR, eq 2) has also gained considerable
attention, as it can be coupled with various cathodic reactions,
such as hydrogen generation from water or CO2 reduction, and
avoids sluggish and economically unattractive O2 production.

8

Many metal oxide catalysts, such as BiVO4, SnO2, WO3,
CaSnO3, ZnO, etc., have been reported to show high activity
toward H2O2 generation via 2e− WOR.9−13 While most of the
studies on oxide catalysts report high FE, the corresponding
current densities are still far below 100 mA cm−2, and the final
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concentrations of H2O2 of up to 2 mmol L−1 are totally
insufficient for industrial applications.9−13 Low current
densities imply large electrolyzers with large electrode areas,
resulting in high capital expenditures.14 Low H2O2 concen-
trations limit the potential for applications and require costly
procedures to increase concentration (e.g., distillation). In
addition to the electrode size and H2O2 concentration, high
stability of the electrocatalyst, enabling continuous H2O2
generation for a longer period of time, represents a critical
aspect for scale-up and technical application of the electro-
chemical process.

EO 2H 2e H O 0.68 V vs RHE2 2 2
0+ + =+ F

(1)

E2H O H O 2H 2e 1.77 V vs RHE2 2 2
0+ + =+F

(2)

Boron-doped diamond (BDD) has been extensively used as
electrode material to produce H2O2 via WOR at current
densities of 100 mA cm−2 and higher.15,16 BDD electrodes
substantially outperform reported metal oxide materials with
impressive production rates of 79 μmol min−1 cm−2 and FE of
up to 87% and reaching H2O2 concentrations surpassing 100
mmol L−1 (0.3%).17,18 Assuming further improvements of this
technical approach, peroxide concentrations of about 1 mol
L−1 (3%) are realistic, i.e., in the range of commercial 3% H2O2
solutions. This enables a wide field of applications in
sanitation, disinfection, water treatment, bleaching, and
cosmetic formulations. However, currently available BDD
electrodes are costly to produce. They consist of a thin
diamond layer on a metal substrate, typically niobium or
tantalum, i.e., expensive materials.16 Moreover, the coating
process by chemical-vapor deposition (CVD) is complex and
expensive. Such drawbacks hold back the technical implemen-
tation of BDD in the present scenario of electrosynthesis
despite its splendid activity and robustness.16 Hence, low-cost
alternatives as all-carbon electrode materials are extremely
attractive. In this context, carbonaceous materials such as
commercial carbon fiber paper (CFP) have been recently
reported as an electrode material for 2e− WOR. Such materials
are cheap, their production is easily scalable, and they can be
operated at current densities of up to 100 mA cm−2.19

However, pristine CFP has some performance-related short-
comings in terms of activity (maximum FE of 14%) and
stability (oxidation of electrode surface) at high current
densities.19 Coating CFP and nickel oxide catalyst with PTFE
considerably improves the activity, selectivity, and stability of
the CFP electrode in anodic H2O2 production while operating
at a current density up to 120 mA cm−2.20,21 An important
factor for the improvement was the modification of the surface
electronic properties of the electrocatalyst upon the addition of
polymers, which in this case was fluoropolymer (PTFE).21

Therefore, further expedition of such inexpensive carbona-
ceous materials with polymer modification is required to have a
cost-effective system that is stable for hours at current densities
beyond 100 mA cm−2.
Inspired by the role of polymer modification in improving

the water oxidation process, we have investigated different
bipolar plates (BPP) as a low-cost anode alternative for the 2e−

WOR to H2O2. BPPs are robust all-carbon electrodes used
mainly as fuel cell components, accounting for 60−80% of total
weight and 30−45% of stack cost.22,23 The primary function of
BPP in fuel cells includes the uniform distribution of reactants,

removing heat, conducting electric current from cell to cell,
preventing leakage of gases and coolant, and providing
structural support to the stacks.24 BPPs manufactured from
expanded graphite and polymers are particularly advantageous
due to their ease of fabrication, high electrical conductivity,
and excellent electrochemical and chemical stability.25,26

Graphite polymer composite plates are typically prepared by
mixing a polymer (such as a fluoropolymer or a thermoset
resin) with expanded graphite in a kneader at high temper-
ature, and compressing the mixture at a specific temperature
and pressure.23,27

In our study presented here, the performance of BPP is
compared to other carbon-based materials, such as BDD and
CFP, which have been reported earlier as suitable electrode
material in H2O2 generation through WOR. We have used
commercial BPP samples made of expandable graphite and
composed of different polymer types and loadings in its carbon
structure. They differ in their electrical conductivity,
mechanical strength, and chemical stability. The effect of
BPP composition on the anodic generation of H2O2 is
discussed in detail. We have studied its catalytic activity and
long-term stability under technical relevant and scalable flow
conditions, aiming for future application of BPP as
components in low-cost mobile electrochemical devices for
H2O2 generation.

■ RESULTS AND DISCUSSION
Three commercial BPP samples from Sigracell, namely FP6,
FP15, and TR10 were analyzed for their catalytic activity
toward WOR to H2O2. FP6 and FP15 are BPPs with
fluoropolymer with a polymer content of 6 and 15 wt %,
respectively, whereas TR10 contains 10 wt % of a thermoset
resin.28 The composition details of the BPP used as well as
scanning electron microscopic (SEM) images are shown in the
Supporting Information, Table S1 and Figure S1a. SEM images
revealed only minor microcracks on the surface of all BPP
samples, indicating sufficient binding of the graphitic materi-
al.26 Energy-dispersive X-ray spectroscopy (EDX) mapping
revealed the fluoride content as 2.2 wt % in FP6 and 6.7 wt %
in FP15 (Supporting Information, Figure S1b), evenly
distributed throughout the electrode surface (Supporting
Information, Figure S2).
Linear sweep voltammetry (LSV) of the three BPP

electrodes in 2 mol L−1 K2CO3 (Figure 1a) showed higher
current densities for the thermoset resin TR10 compared to
the fluoropolymers-based FP6 and FP15. This current density
profile is consistent with the electrical resistivity of the BPP
sample, as TR10 has the lowest electric resistivity compared to
FP6 and FP15 (Figure 1a, and Supporting Information, Table
S1). However, it is important to note that this current density
is not specific to a determined WOR and can be a sum of O2
and H2O2 generation. Thus, chemical analysis is always
required, and all following experiments have H2O2 quantified
by a reliable TiOSO4 photometric method (Supporting
Information, Figures S5−S7).
Galvanostatic experiments at different current densities of up

to 300 mA cm−2 show FP15 as the most active material for
anodic H2O2 generation, followed by FP6 and TR10 (Figure
1b). The H2O2 concentration with FP15 electrodes reached a
maximum H2O2 concentration of 60 mmol L−1 at 300 mA
cm−2 with a production rate of 30 μmol min−1 cm−2 (Figure
1b,d). The maximum FE of 38% was obtained at 200 mA cm−2

(Figure 1c). Higher current densities decreased FE, indicating

ACS Sustainable Chemistry & Engineering pubs.acs.org/journal/ascecg Letter
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higher O2 generation.
19 This different trend in galvanostatic

polarization from LSV suggests that although the current
density in TR10 is high, most of it is used for WOR to O2,
which is also confirmed by the low FE for H2O2 in the same
material.
FP15 has a higher fluoropolymer content than FP6, whereas

TR10 has no fluorine in its composition (Supporting
Information, Figures S1, S2). The amount of fluoropolymer
in a carbon electrode remarkably affects the WOR to H2O2.
Xia et al.20 have shown an enhanced activity toward WOR to
H2O2 when coating different substrates (CFP, glassy carbon,
nickel) with polytetrafluoroethylene (PTFE). The presence of
a hydrophobic PTFE polymer can help to confine in situ
generated O2, thereby deviating from the 4e− WOR to O2
pathway and increasing selectivity for H2O2. The intermediate
species in the water oxidation mechanism, such as *O, *OH,
and *OOH, interact with the electrode material, and the
binding energy of these species on the electrode has a strong

influence on the reaction pathway and hence on the selectivity
for the formation of either O2 or H2O2.

11 Theoretical and
experimental results by Xia showed that the presence of PTFE
in the electrode surface weakens the binding of *OH
intermediate species to active sites, hence increasing H2O2
generation.20

Venugopal et al. studied the impact of PTFE loading coated
on nickel oxide catalysts on the WOR.21 Because fluorine
atoms are highly electronegative, it draws electrons away from
the oxygen atoms in the adsorbed OH* intermediate.
Consequently, the binding energy of the OH* intermediate
decreases, which hinders the formation of adsorbed O*
intermediates for 4e− oxidation to O2 and favors the 2e−

H2O2 pathway.
The anodic activity of FP15-BPP toward H2O2 at different

current densities was compared to BDD (reportedly to be
most active) and the low-cost alternative CFP (Figure 2). All
of these materials were active toward WOR to H2O2, with an
activity trend as CFP < BPP < BDD. The H2O2 concentration
increased steadily upon increasing the current density for BPP
and BDD. CFP reached a saturation limit at 200 mA cm−2,
which could be due a combination of water oxidation to O2
and decomposition of the generated H2O2 at higher current
densities, which accounts for the lower H2O2 concentration.

19

CFP was the least active of the tested electrode materials, with
a H2O2 concentration of 6 mmol L−1 at 300 mA cm−2, i.e., ten
times lower than concentrations obtained with BPP-FP15.
Although the H2O2 concentration and production rate in
general increase upon raising the current density, the FE shows
a specific maximum for the different electrode materials and
decreases upon further increase of current density.11 BPP
showed a maximum FE of 38% at 200 mA cm−2, whereas BDD
peaked at 100 mA cm−2 with 58% FE. CFP showed FE in the
range of 5−10% for the whole screened current density. The
highest H2O2 concentration was 70 mmol L−1, obtained with
BDD electrodes after 10 min at 300 mA cm−2, with a
production rate of 35 μmol min−1 cm−2.18 At this current
density of 300 mA cm−2, the H2O2 concentrations obtained
with BPP electrodes were quite similar (at 60 mmol L−1).
In order to test the electrode materials in a setup of

relevance for later scale-up and technical application, a flow cell
system was used. Industrially relevant electrochemical
processes are typically operated in flow cells, and therefore
technically viable electrodes should be suitable for application
in continuous processes, with stable performance in terms of
activity and selectivity over long periods of time. CFP and
PTFE/CFP electrodes have been reported to be stable for 2.5

Figure 1. Electrochemical profile of BPP for WOR. (a) LSV of BPP
samples in 2 mol L−1 K2CO3 at 100 mV s−1 scan rate. (b) H2O2
concentration, (c) FE and, (d) production rate in 10 min
galvanostatic experiments at different applied current densities (10−
300 mA cm−2). All experiments were performed in a two-
compartment H-cell cooled with an ice bath. The 2 mol L−1

K2CO3 electrolyte was kept under constant stirring of 1000 rpm.
BPP anodes had a geometric area of 5 cm2. H2O2 was quantified by
the TiOSO4 photometric method.

Figure 2. Comparison of carbon-based BPP, BDD, and CFP for H2O2 electrosynthesis through water oxidation. (a) H2O2 concentration, (b) FE,
and (c) production rate at different applied current densities (10−300 mA cm−2) and with duration of 10 min for each current density step in 2
mol L−1 K2CO3. All experiments were performed in a two-compartment H-cell cooled in an ice bath with constant stirring of 1000 rpm and using
BPP, BDD,18 and CFP as anode with a geometric area of 5 cm2.
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h of operation in continuous flow, producing H2O2 at current
densities of up to 120 mA cm−2.19,20 In a previous study, we
compared multipass and single-pass flow setups using BDD
electrodes, successfully showing constant production of 80
mmol L−1 H2O2 at current density of 300 mA cm−2 for 28 h.18

In the multipass system, product concentration could be
increased by recirculating the electrolyte through the cell
several times (Supporting Information, Figure S4a). In a
single-pass system, the process is optimized for maximum
continuous production upon passing the electrolyte through
the cell one single time (Supporting Information, Figure S4b).
In this study, the multi- and single-pass systems were

compared using BPP as an anode. The multipass flow leads to
an increase in concentration, however, challenges such as
electrochemical H2O2 decomposition, electrode stability, and
inability to operate at high current densities persist
(Supporting Information, Figure S8). One possibility for the
instability of the electrode using multipass flow is the oxidation
and consequent exfoliation of the electrode, resulting from a
combined effect of oxidative current and the presence of
H2O2.

19,29 In contrast, single-pass flow enabled operation at
high current densities with impressive production rates for BPP
electrodes (Figure 3a and Supporting Information, Figures
S10, S11).
The specific electric energy consumption for the anodic

H2O2 generation using BPP was calculated and compared
based on our previous work on BDD electrodes at a current
density from 100 to 300 mA cm−2 at 10 mL min−1 (Figure 3c,
and Supporting Information, Tables S4, S5).18 The specific
energy consumption was around 20 kWh kg−1 for current
densities up to 200 mA cm−2 for both electrode materials,
however, at 300 mA cm−2, the specific energy consumption on
BPP raised near to 30 kWh kg−1, while remaining stable at
around 20 kWh kg−1 for BDD (Figure 3c). This indicates that
BPP performs competitively to BDD at current densities of up
to 200 mA cm−2, but BDD facilitates more efficient H2O2
synthesis at higher current densities.
However, this compares to a strong advantage of BPP in

terms of material cost: Considering the cost of BPP, BDD, and
CFP electrodes, BPP is by far the cheapest among these
materials and could decrease the overall capital expenditure of
the electrolysis cell (Supporting Information, Table S6). Thus,
bipolar plates can be an economically attractive alternative to
costly BDD electrodes for application in water oxidation to
H2O2, with substantially cheaper production of the electrode
material and only moderately lower performance. Given the
current price difference of about 2 orders of magnitude
between BDD and BPP (Supporting Information, Table S6),

CAPEX-related advantages of BPP are likely to remain even
when assuming substantial cost reductions in BDD production,
as simplistically estimated in the Supporting Information.
However, a detailed techno-economic assessment considering
the different relevant variables affecting investment-related and
operating costs is required for a comprehensive comparison of
the economic potentials and limitations of BPP and BDD-
based systems.
Optimization of flow rate and current density in single-pass

flow using BPP in a 10 cm2 flow cell led to maximum FE of up
to 44% and H2O2 concentrations of up to 50 mmol L−1 at a
flow rate of 5 mL min−1 at 200 mA cm−2 under tested
conditions (Figure 3b, and Supporting Information, Figures
S10, S11). These flow parameters were therefore used for
evaluating the long-term stability of the BPP electrode.
In those long-term experiments, the stability of the BPP

electrode was evaluated for 100 h under continuous single-pass
flow (Figure 4). Anolyte samples were taken directly from the
cell outlet, and a constant generation of 50 mmol L−1 over the
entire test period validated the suitability of BPP as stable
electrode material for the anodic generation of H2O2. The cell
potential was also stable at about 5.5 V, with a constant
production rate of 25 μmol min−1 cm−2 and FE of 40%. After
100 h of operation, SEM images showed no changes in

Figure 3. Current density and flow rate effect on the anodic H2O2 generation. (a) Anodic H2O2 concentration and FE at different current densities
using a flow rate of 10 mL min−1. (b) Anodic H2O2 concentration and FE at different electrolyte flow rates at a current density of 200 mA cm−2. (c)
Specific energy consumption to produce 1 kg of H2O2 at different current densities, comparing BPP and BDD systems (BDD data from our recent
work18). Experimental conditions: single-pass flow of 200 mL anolyte (2 mol L−1 K2CO3). The same electrolyte volume was used for each current
density and flow rate, resulting in different durations of the individual experiments for the flow-rate study.

Figure 4. Long-term stability of BPP at continuous single-pass flow.
H2O2 concentration, FE, production rate, and cell potential in a flow
cell experiment with a single-pass flow rate of 5 mL min−1 for 100 h at
a constant current density of 200 mA cm−2, using a 10 cm2 BPP-FP15
as an anode in 2 mol L−1 K2CO3 electrolyte. One L of 2 mol L−1

K2CO3 was used as a catholyte and was recirculated throughout the
experiment. A total charge of 721646 C was supplied during 100 h of
electrolysis.
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morphology or structural damage to the electrode (Supporting
Information, Figure S12). The EDX analysis also showed no
significant difference in the elemental composition of the BPP
electrode before and after operation (Supporting Information,
Table S8). Stability is crucial for the industrial application of
electrochemical systems, reducing the chances of component
failures and the need for disassembling the reactor.30 The
presented results clearly show that BPP is stable in long-term
operation, without any loss of performance over 100 h,
enabling synthesis at technically relevant current densities and
with substantial FE compared to other carbonaceous electro-
des.

■ CONCLUSION
In summary, we presented for the first time the application of
commercial BPP electrodes for the 2e− WOR to H2O2. BPP,
an inexpensive material widely used in fuel cell research and
application, is a promising active electrode material for anodic
H2O2 generation. An outstanding electrode stability over 100 h
for continuous H2O2 generation under relevant operational
conditions (high current density, flow cell setup) shows the
potential of BPP as a low-cost electrode for water oxidation to
H2O2. In comparison to other electrode materials, the
performance of BPP electrodes were found slightly inferior
compared to BDD. However, the much lower costs of BPP
compared to BDD is likely to overcompensate for this
disadvantage. This issue requires careful trade-off analysis for
each specific application case. Generally, the performance of
BPP in anodic H2O2 reduction is substantially superior to any
other low-cost material.19 The hydrophobic fluorinated
polymer in BPPs enhances the formation of H2O2 by confining
oxygen on the electrode surface. Improvement in the BPP
polymer content, cell design, and electrochemical parameters
can still enhance the BPP activity to achieve a similar
performance as BDD. Furthermore, a deeper understanding
of the role of hydrophobic polymers on the electrode to
promote H2O2 production is necessary, and the present work is
intended to trigger comprehensive research activities in this
direction.
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4. DISCUSSION & OUTLOOK

The electrochemical production of H2O2 from water and O2 has caught significant attention to sub-

stitute the classic AO process. The technology is envisioned as a sustainable alternative to the con-

ventional energy-demanding AO process for H2O2 production [20]. The electrochemical technol-

ogy is aimed to produce H2O2 at the point of use instead of transporting it in concentrated form,

with the objective to electrify and decentralize the production of H2O2. While considerable R&D

has been devoted to the cathodic O2 reduction to H2O2, comparably little attention has been ded-

icated to the anodic H2O2 production via water oxidation reaction (WOR). In addition, the most

recent literature on WOR to H2O2 focuses on catalyst development in lab-scale H-cells, i.e., in batch

[52][53][54][57][58][65][82]. For industrial implementation, a continuous, robust, and scalable elec-

trochemical flow cell system for anodic H2O2 production is required. Recent work done as part of

the doctoral thesis work substantially contributes to the progress in this field for continuous H2O2

production from water. The discussion is divided into four parts, as discussed below.

4.1 Use of metal oxides as electrocatalysts at high current densities – The starting

point

Various metal oxides, including BiVO4, CaSnO3, ZnO, WO3, SnO2, and TiO2, have been reported as

active electrocatalysts for the anodic synthesis of H2O2. These metal oxides have been reported to

show good selectivity, mostly on a fluorine doped tin oxide (FTO) substrate, however only operating

at low current densities. The major advantage of using FTO substrate is its low cost, its suitability

for a wide area of applications, and its high chemical stability. However, FTO is not suitable for

operation at high current densities [51]. Therefore, in this work, the substrate was changed from

FTO to carbon paper due to its high surface area, relatively high conductivity, and chemical stability

in alkaline electrolytes. The activity of the reported metal oxides, including BiVO4, SnO2, WO3, MnOx,

and TiO2, were investigated for anodic H2O2 synthesis at high current densities. At a low current

density, BiVO4 had the highest FE (∼23%) at 0.1 mA cm−2 with a production rate of 0.00816 µmol

min−1 cm−2 (Section 3.1, Figure 3.5c, d). As soon as the current was increased, FE dropped to 1.7%,

but at the same time, the production rate reached up to 1.36 µmol min−1 cm−2 at a current density of
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270 mA cm−2 (Section 3.1, Figure 3.5b-d), during same time. Thus, higher current density leads to

an increase in the H2O2 production rate/concentration, however, at the expense of FE. With the extra

overpotential for driving larger currents, the water oxidation reaction favors O2 evolution, leading to

significant decreases in H2O2 selectivity [83] Metal oxides are difficult to use together with operation

at high current densities. With the current state of the art and based on this work, using metal oxides

as electrocatalysts is far from industrial implementation. Further work needs to be done to immobilize

the catalysts on different substrates by using different binders and applying heat treatments, to be

used at high current densities. Nevertheless, this approach appears to be ineffective [84]. Therefore,

this work was shifted to using carbon-based materials as electrodes rather than using metal oxides

that are expensive and unsustainable [54].

4.2 Commercial carbon materials as electrodes for H2O2 synthesis – A step back

In this part of work, a process development to maximize the efficiency and the concentration of H2O2

for 2e− WOR was conducted using different commercial carbon materials. Along with the screening

of various carbon materials, different process parameters, such as current density, electrolyte con-

centration, and the pH were optimized. Since H2O2 is known to be unstable which decomposes into

water and molecular oxygen, sodium metasilicate (Na2SiO3) was added to the electrolyte as H2O2

stabilizer.

The carbon materials used in this study are divided into two types:

1. 2D carbon material: Glassy carbon (GC)

2. 3D carbon materials: Carbon fiber paper (CFP), Carbon cloth (CC), Carbon gas diffusion layer

(C-GDL), Carbon felt (CF)

The 3D electrode materials are further divided into the following two categories:

1. Woven type: Carbon cloth (CC)

2. Non-woven type: carbon fiber paper (CFP), carbon gas diffusion layer (C-GDL) and carbon felt

(CF)

All carbon materials except GC are fibrous. CFP and CF are highly porous, whereas CC and C-GDL

are more compact 3D structures, as shown in the SEM images (Figure 2a) in Section 3.2.

All commercial carbon materials were used as received. One side of CC and C-GDL consist of

a microporous layer (MPL) made of carbon and a hydrophobic layer, which is often beneficial for
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immobilizing catalysts for electrochemical reaction with gases (e.g., O2 or CO2 reduction). The MPL

typically is made of carbon black mixed with a hydrophobic polymer such as polytetrafluoroethylene

(PTFE), which prevents flooding into the porous gas diffusion electrode. Earlier reports from Xia et al.

have suggested an enhanced activity towards H2O2 production with increasing the hydrophobicity

of carbon materials [21].

Therefore, CC and C-GDL were also tested, which have a hydrophobic layer. Nevertheless, the

experiments with CC and C-GDL showed lower electrochemical activity towards WOR than CFP

upon applying a constant charge of 30 Coulombs (C) at 50 mA current (Table 1 and Figure 2b,

Section 3.2). The carbon materials activity toward WOR to H2O2 (based on the H2O2 production

rates) follows the order: CFP > CC > C-GDL > CF > GC. The differences in electrochemical activity

could emerge from the structural and morphological differences amongst the studied materials. CFP

and CF are highly porous, whereas CC and C-GDL are more compact 3D structures, as shown in the

SEM images of Figure 2a in Section 3.2. Other factors include the difference in thickness, electronic

resistivity, the presence of a microporous hydrophobic layer (MPL), and the porosity. The product

transport characteristics in the electrode materials are determined by their porosity, permeability,

and hydrophobicity [85].

The reason for this difference in reactivity could be the following:

(i) The different carbon materials were employed with the same geometric area (1 cm2), but they have

different thicknesses and 3D structures.

(ii) Glassy carbon is a 2D electrode, and the electrochemically active area is therefore considerably

smaller than other porous 3D carbon materials, resulting in lower H2O2 production.

(iii) The surface of the carbon felt (CF) is highly porous. Thus, a higher current density was observed

during LSV measurements, indicating high O2/H2O2 production.

affinity. However, due to high porosity of the CF, the electrogenerated H2O2 may be readily oxidized

to O2 in the pores of the carbon felt, resulting in lower H2O2 concentration. (iv) The hydrophobic-

ity of carbon cloth (CC) and carbon gas diffusion layer (C-GDL) could also be the reason for their

lower activity compared to the carbon fiber paper (CFP). In fact, this difference should increase the

production rate, as reported in Section 3.4 and other studies [21][86].

In this work, we attested that the selectivity of water oxidation to H2O2 is greatly influenced by

the applied currents, concentration of electrolyte, pH of the electrolyte as well as stabilizer. A di-

rect relationship between CO3
2− ion activity and enhanced production of H2O2 was observed, where

higher CO3
2− concentration lead to higher H2O2 concentration. Based on calculations of the ionic
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species activity in the electrolyte and its correlation with the observed experimental results, a cyclic

mechanism involving CO3
2− species was proposed (Section 3.2). The proposed catalytic cycle in-

volves the formation of peroxodicarbonate as unstable intermediate, rapidly decomposing to H2O2

and CO3
2−. This mechanism was later confirmed by in situ infrared spectroscopy (ATR-FTIR) by Gill

et al.[67] They used electrochemical and spectroscopic techniques to investigate the role of bicarbon-

ate electrolyte species (HCO3
− and CO3

2−) in the WOR to H2O2. Experiments on a rotating ring disc

electrode showed that H2O2 was not readily detected in the disc but formed only with a time de-

lay. This observation suggests oxidation of the electrolyte followed by hydrolysis, thereby promoting

H2O2 production. In situ infrared spectroscopy (ATR-FTIR) confirmed the carbonate (HCO3
− and/or

CO3
2−) role and the presence of HCO4

− or C2O6
2− peroxo intermediates. However, Gill et al.[67]

reported higher H2O2 productivity in CO3
2− electrolyte, but rather in HCO3

−, similar to the results

reported by Fuku et al.[51]. The difference is in using Na2SiO3 as a stabilizer, stabilizing H2O2 in

high pH electrolytes, such as K2CO3. Without the stabilizer and the higher pH of the CO3
2− solu-

tion will lead to H2O2 decomposition. Therefore, higher H2O2 concentration was observed in CO3
2−

electrolyte, compared to HCO3
− in the presence of stabilizer as shown in this work (Figure 7b in

Section 3.2).

Mavrikis et al. have proposed a similar mechanism for H2O2 production using BDD electrodes

in K2CO3/KHCO3 solutions [82]. The H2O2 concentration increased from 28.5 to 37.7 mmol L−1,

upon switching the electrolyte concentration from 1 to 4 mol L−1 K2CO3 at a current density of 100

mA cm−2. Furthermore, DFT calculations revealed that CO3
2− ion positively enhances the H2O2

production by forming C2O6
2− as an intermediate, as proposed in this PhD work.

Regarding the use of chemical stabilizer, Na2SiO3 has been proven to be one of the most effective

compounds to stabilize H2O2, and it is used widely in industrial applications [87]. Nevertheless,

the working mechanism of Na2SiO3 as a H2O2 stabilizer is rather unclear. Literature reports for

the stabilization mechanism include forming a complex between Na2SiO3 and H2O2 [88], forming

stable peroxide compounds, stopping the decomposition chain reactions by the destruction of the free

radicals, and formation of complexes with metal impurities that could catalyze H2O2 decomposition

[87].

Typically, organic stabilizers such as aryl alkyl ketones are added to slow down the H2O2 decompo-

sition in commercial H2O2 solutions. Such stabilizers enhance the lifetime of H2O2. However, these

stabilizers are redox-active compounds, which oxidize/reduce more easily than H2O2, thus prevent-

ing H2O2 decomposition. At the same time, when added to the electrolyte, such stabilizers would
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also be oxidized/reduced in the electrochemical environment. Thus, to prevent the contamination

of the H2O2 solution with organic degradation products, Na2SiO3 was chosen as a non-redox active

additive to stabilize H2O2.

Although the present study on CFP (Section 3.2) has facilitated the enhancement of H2O2 pro-

ductivity 20-fold by using optimized electrolyte composition, the performance parameter, such as

the FE and production rate obtained in this part of work using CFP are comparatively lower than

those reported in the literature (Table 3 in Section 3.2). One strategy to enhance these performance

parameters is to use the optimized electrolyte composition in combination with a state-of-the-art ac-

tive catalyst such as BDD electrode. Therefore, BDD has been investigated along with the optimized

electrolyte conditions and discussed in Section 4.3.

4.3 Boron doped diamond in combination with the optimized electrolyte

Optimum electrolyte conditions (2 mol L−1 K2CO3 with 12 g L−1 Na2SiO3) led to a 20-fold increase in

H2O2 production over 2 mol L−1 KHCO3 when using CFP as an anode (Section 3.2 and 4.2). However,

the overall performance of the electrolyte was hampered by the poor selectivity of CFP electrode

(maximum FE for anodic production of H2O2 of 14%). Recent improvements in the properties of

BDD and other carbon materials have enhanced the performance of H2O2 production, resulting in a

production rate of 74.6 µmol min–1 cm–2 and FE of 87% [21][65][82]. However, all these WOR studies

on carbon-based materials have been conducted in electrochemical H-cells, i.e. batch systems, which

are not industrially relevant. The transfer to electrochemical flow cells is necessary as the first step

towards functional applications, continuous production, and scale-up, which has been done in this

study. Additionally, a direct relationship between the ionic activity of CO3
2− and enhanced anodic

H2O2 production was established on a commercial CFP anode, as discussed in Section 3.2. Thus, BDD

was used to extend the scope to show a continuous flow process in combination with an optimized

carbonate-based electrolyte system.

In this work, a detailed investigation into the performances of different flow setups (circular and

single-pass, (Figure 2a and 4a in Section 3.3)) at high current densities (up to 700 mA cm−2) was

carried out and compared. The idea of this work lies in the new electrochemical process development,

which greatly facilitates the scale-up for the anodic production of H2O2.

Firstly, the effect of activity for HCO3
− (a(HCO3

−)) and CO3
2− (a(CO3

2−)) species in the elec-

trolyte showed a remarkable correlation with the anodic H2O2 production using BDD as an anode.
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Higher a(CO3
2−) in electrolyte lead to comparatively higher H2O2 concentration as observed using

a CFP electrode (Section 3.2). Secondly, a comparison of two flow setups (circular and single−pass)

revealed that the single-pass flow mode was more efficient in terms of the overall performance. In

the circular flow mode, the concentration increases with time, however, the FE and the production

rate decreases. FE and production rate decrease due to the decay of already generated H2O2 on the

electrode surface, even in the presence of a chemical stabilizer. This electrochemical H2O2 decompo-

sition is higher at higher current densities, resulting in a rapid decrease in FE and production rate, as

observed in the experiments (Figure 2 in Section 3.3).

In single−pass flow, however, the performance loss is minimized since the electrolyte does not

recirculate with already generated H2O2. Single-pass flow facilitated anodic H2O2 generation at high

current densities, with the highest-ever reported H2O2 production rate of 79 µmol min−1 cm−2 at

700 mA cm−2 (Figure 4 in Section 3.3). An additional investigation with and without the stabilizer

(Na2SiO3) was carried out in a single-pass flow at 300 mA cm−2. Both experiments led to similar H2O2

concentration after electrolysis, however, H2O2 decomposed faster in the absence of the stabilizer

when kept for 3 hours without applying any current (Figure 5 in Section 3.3). The chemical stabilizer

does not necessarily enhance the electrochemical H2O2 formation, it rather inhibits the chemical

decomposition of H2O2 during storage and thereby increases its bench life. Thus, chemical stabilizers

can be abstained if H2O2 is used immediately after single-pass production, reducing the total process

cost.

One important aspect to emphasize during the continuous production of H2O2 is the flow rate of the

electrolyte passing through the electrochemical cell. Flow rate investigation in single-pass revealed

high FE and production rate at high flow rates, however, lower H2O2 concentration. A faster flow rate

reduces the residence time of an electrolyte volume near the electrode, thus minimizing relevant side-

reactions such as oxygen evolution and H2O2 electrodecomposition, which leads to higher efficiency

and production rate. It is, therefore, necessary to consider a compromise between H2O2 concentration

and FE based on the application of continuous flow anodic H2O2 production.

Specifically, this work adds to the pertinent research field an innovative, practical, and straightfor-

ward solution that can be readily applied in academia and industry. In this work, a complete process

development at high current densities (up to 700 mA cm−2) and the so far highest anodic H2O2 con-

centration of 110 mmol L−1, maximum FE of 78%, and H2O2 production rate of 79 µmol min−1 cm−2.

The continuous production of 80 mmol L−1 H2O2 for up to 28 hours is described for the first time,

showcasing the robustness of the BDD electrode which can further be utilized for piloting.
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4.4 Bipolar plate – Thinking of the future

The performance of BDD electrodes surpasses the reported metal oxides and commercial carbon-

based materials with impressive production rates, as discussed in Sections 3.1-3.3. However, BDD’s

current market price and its preparation complexity hold back its implementation in the present sce-

nario, despite its splendid activity and robustness [30]. Wenderich et al.[30][55] performed a techno-

economic analysis on the electrochemical oxidation of H2O to H2O2 using a BDD anode in combi-

nation with cathodic H2 production, intending to decrease the Levelized Cost of Hydrogen (LCH)

produced at the cathode. A sensitivity analysis yielded in two critical aspects for lowering the LCH:

reducing the cost of the anode and increasing the current density. For a cost-effective system, further

exploration of inexpensive carbonaceous materials is required in combination with a current density

greater than 100 mA cm−2 as suggested by the sensitivity analysis, which is stable for hours.

Various carbonaceous materials, including commercial carbon fiber paper (CFP), have been investi-

gated to scale up to larger electrode areas and operate at high current densities. However, there were

some performance-related shortcomings, including activity (CFP) and long-term stability (PTFE/CFP)

[21]. PTFE coatings were applied to CFP and NiOx (PTFE/CFP and PTFE/NiOx systems) to enhance

the activity, selectivity, and stability of 2e− WOR to produce H2O2 [21][86]. The electrochemical in-

vestigation led to an increase in the FE and production rate with modified electrodes. This improve-

ment could be attributed to the modification of surface electronic properties of the electrocatalyst by

adding polymers, which in this case was fluoropolymer (PTFE) [21][86].

By looking at polymer modification as a critical factor in improving the water oxidation process,

we have explored different bipolar plates (BPP) as a low-cost anode alternative for 2e− WOR to H2O2.

The BPP with the highest fluoro polymer content had the highest activity. This can be related to the

electronegativity of the fluorine in the polymer, which reduces the binding energy of OH radical on

the electrode surface and enhances the H2O2 production pathway. Fluorine atoms are highly elec-

tronegative, which draw electrons away from the oxygen atoms in the adsorbed OH* intermediate.

This lowers the binding energy of the OH* intermediate, making it hard to form the adsorbed O* in-

termediate for 4e− oxidation to O2 and, thus, easy to form H2O2 via 2e− oxidation. Hence, we observe

high catalytic activity on H2O2 formation, with the BPP sample having the most fluoropolymer con-

tent. The BPP was active and stable for up to 100 hours, continuously producing H2O2. A summary

of the comparison between the findings of this work and those previously reported in the literature

is shown in Table 4.1. More work should be devoted to further enhance the H2O2 productivity of this

material by modifying the electrode using higher fluorine content. A detailed study is necessary to
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understand the role of hydrophobic polymers on the electrode to enhance H2O2 production.

Tab. 4.1 : A comparison of the reported work on 2e− WOR to H2O2 with this work.

Electrode Electrolyte pH [H2O2]max Production rate Peak FE Ref.

mmol L−1 µmol min−1 cm−2 %

PTFE/CFP
1 M Na2CO3

12 3 23.4 66 [21]

BDD/Nb 11.9 - 3.9 31.7 [30]

BDD/Ti

2 M KHCO3

8
∼16 ∼8 28

[65]
29 19.7 ∼22

CaSnO3/FTO

8.3

- ∼4.6 76
[54]

∼0.9 - -

BiVO4/FTO

1 M NaHCO3 -

5.7 70

[52]
WO3/FTO 0.57 48

TiO2/FTO 1.01 19

SnO2/FTO 1.53 50

CFP

2 M K2CO3 12.6

33 4.5 14.3

This workBDD/Ta 80 79 78

BPP-FP15 50 25 44

4.5 Future perspective

Aside from eliminating hazardous solvents and reactants used in conventional chemical processes,

electrochemical processes allow for decentralized, small-scale, and on-demand manufacturing using

simple, non-hazardous feed streams, such as water, air, and (renewable) electricity, as in the case

of electrochemical synthesis of H2O2. Due to the vast range of applications of H2O2, decentralized

production has enormous potential in technical fields such as bleaching, sanitation, water treatment,

etc. Nonetheless, a decentral process requires a continuous and stable production rate, which was the

focus of this work. A clear vision of future industrial applications is needed when conducting such

research, focusing on resource efficiency, investment, operational costs, and operational stability.

From the point of view of mobile electrochemical prototypes, electrochemical H2O2 production is

more a matter of expanding the H2O2 market to host decentralized solutions, especially in remote

areas where transportation of H2O2 is difficult. In addition, anodic production of H2O2 could be

combined for example with hydrogen production, thus diversifying and adding value to the hydrogen

industry.
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A 2e− water oxidation to H2O2 using different metal oxides

Table A.1 Current densities obtained by varying the potentials (vs. Ag/AgCl) using different metal oxide

electrodes.

Current density (mA cm−2)

Potential (V) BiVO4 SnO2 WO3 MnO2 TiO2 RuO2 C-paper

1.2 0.03 5.82 2.72 0.25 5.80 2.77 -

1.4 19.67 6.10 5.80 12.66 6.10 14.72 11.04

1.6 54.11 44.96 35.18 40.10 34.99 66.74 47.65

1.8 146.91 116.62 93.69 113.13 85.75 161.64 97.81

2.0 233.43 151.25 127.25 149.44 125.96 307.95 153.67

2.2 337.20 183.69 168.06 199.81 155.54 321.10 203.27

Table A.2 Concentration of H2O2 obtained by varying the potentials (vs. Ag/AgCl) using different

metal oxide electrodes.

Concentration (µmol L−1)

Potential (V) BiVO4 SnO2 WO3 MnO2 TiO2 RuO2 C-paper

1.2 0.00 0.00 0.00 0.00 0.00 0.00 0.00

1.4 82.97 61.18 13.90 3.67 17.12 6.46 14.74

1.6 189.38 141.31 92.12 6.17 91.17 8.74 139.14

1.8 361.69 381.05 283.07 8.67 195.57 7.46 260.45

2.0 465.15 400.54 392.71 9.14 312.24 7.03 266.17

2.2 503.10 394.64 425.93 13.79 328.79 6.03 262.48

Table A.3 Production rates of H2O2 obtained by varying the potentials (vs. Ag/AgCl) using different

metal oxide electrodes.

Rate (µmol min−1 cm−2)

Potential (V) BiVO4 SnO2 WO3 MnO2 TiO2 RuO2 C-paper

1.2 0.00 0.00 0.00 0.00 0.00 0.00 0.00

1.4 0.21 0.15 0.03 0.01 0.04 0.02 0.04

1.6 0.47 0.35 0.23 0.02 0.23 0.02 0.35

1.8 0.90 0.95 0.71 0.02 0.49 0.02 0.65

2.0 1.16 1.00 0.98 0.02 0.78 0.02 0.67

2.2 1.26 0.99 1.06 0.03 0.82 0.02 0.66
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Table A.4 Faradaic efficiency for H2O2 obtained by varying the potentials (vs. Ag/AgCl) using dif-

ferent metal oxide electrodes.

FE (%)

Potential (V) BiVO4 SnO2 WO3 MnO2 TiO2 RuO2 C-paper

1.2 0.00 0.00 0.00 0.00 0.00 0.00 0.00

1.4 3.61 7.70 1.91 0.23 2.13 0.34 1.10

1.6 2.84 2.68 2.20 0.12 2.18 0.10 2.39

1.8 1.97 2.62 2.45 0.06 1.86 0.04 2.16

2.0 1.64 2.11 2.49 0.05 2.00 0.02 1.43

2.2 1.23 1.71 2.01 0.06 1.70 0.02 1.01
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Supporting information 

 

Fig. S1. Different methods to detect H2O2. (a) Calibration curve for H2O2 detection using ABTS assay and 

detected with UV-vis photometer at 405 nm in different electrolytes. (b) Comparison of three different 

methods (ABTS assay, detection strips, and KMnO4 titration) by preparing three known concentrations of 

H2O2 [1, 2]. 

  

Appendix 93



5 
 

 

Fig. S2. pH dependence on different ionic species. Ionic species as a function of pH in the carbonate-

bicarbonate-H2O2 containing solution [3, 4]. 
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Fig. S3. Study on different carbon materials for H2O2 synthesis. (a) LSV curves obtained using different 

carbon materials in 2 mol L-1 KHCO3 electrolyte at a scan rate of 10 mV s-1. (b) FE towards H2O2 production 

for different carbon materials during electrolysis at 50 mA cm-2 for 10 minutes at room temperature. 
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Table S1 Summary of the potential screening performed using CFP 

Potential Concentration  
Highest 

production rate 
Maximum 

H2O2 FE 
Average Cell 

potential 
Average current 

density  
 

V vs. 
Ag/AgCl 

µmol L-1 µmol min-1 cm-2 % V mA cm-2 
 

1.2 1.1 0.00 0.9 2.3 0.97  

1.4 18.0 0.05 1.2 2.9 12.12  

1.6 141.9 0.35 2.1 3.6 45.65  

1.8 263.6 0.66 1.8 5.4 120.44  

2.0 269.4 0.67 1.3 6.2 175.51  

2.2 266.7 0.67 0.9 7.2 232.19  
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Table S2 Specifications of carbon materials used in this study. All data is provided by the materials supplier. 

Carbon material Supplier Sample Structure Thickness 
Electrical 
resistivity 

Porosity 
PTFE 

treated  
MPL 
Layer 

 

    µm mΩcm2 %    

Carbon fiber paper 
(CFP) 

Quintech TP-060 3D 190 80 mΩcm 78 No No 
 

Carbon cloth (CC) Quintech W1S1005 3D 410 <13 - Yes Yes  

Gas diffusion layer 
(C-GDL) 

Quintech H23C9 3D 250 8 - Yes Yes 
 

Carbon felt (CF) Alfa Aesar 43200 3D 6350 - - No No  

Glassy carbon (GC) Metrohm 61247000 2D 2 mm* - 0 No No  

*Diameter of the rod  
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Fig. S4. Impact of operating potential/current density. (a) FE vs. potential for H2O2 production in 2 mol L-

1 KHCO3 using a two compartment H-Cell. (b) H2O2 concentration and current density at different applied 

potentials in 2 mol L-1 KHCO3 in an H-Cell. (c) H2O2 concentration during electrolysis in 2 mol L-1 KHCO3 using 

a flow cell with a flow rate of 100 mL min-1 at different current densities (j): (■) 10 mA cm-2, (●) 50 mA cm-

2, (▲) 100 mA cm-2, (▼) 150 mA cm-2, and (♦) 200 mA cm-2. 
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Fig. S5. Stability of electrogenerated H2O2. H2O2 concentration vs. time without the influence of current. 

1.1 mmol L-1 H2O2 was produced electrochemically on a CFP anode at 100 mA cm-2 for 2.5 hours in 2 mol L-

1 KHCO3 without a stabilizer. The H2O2 concentration decreased 19 % (from 1.1 mmol L-1 to 0.89 mmol L-1) 

after 2.5 hours at an open circuit.  

Appendix 99



11 
 

  

Fig. S6. SEM and electrolyte images for the C-electrode used. Before and after images of CFP used for 

electrolysis at 200 mA cm-2 using 2 mol L-1 KHCO3 as an electrolyte for 150 minutes. 
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Fig. S7. Long-term stability of CFP electrode. Peak H2O2 concentration during seven successive cycles. Each 

successive cycle was performed at 100 mA cm-2 for 2.5 hours in 2 mol L-1 KHCO3 using a flow cell with an 

electrolyte flow rate of 100 mL min-1, without changing the CFP electrode. After each cycle, the electrolyte 

was replaced with a fresh solution. 
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Fig. S8. SEM and electrolyte images for the C-electrode used for 17.5 hours. Before and after images of 

CFP used for electrolysis at 100 mA cm-2 using 2 mol L-1 KHCO3 as an electrolyte for 17.5 hours. 

  

Appendix 102



14 
 

 

Fig. S9. Study on different concentrations of KHCO3 electrolyte. LSV curves obtained using carbon fiber 

paper in different concentration of KHCO3 electrolyte at a scan rate of 100 mV s-1. 
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Fig. S10. Study of key parameters in the anodic generation of H2O2 at different concentrations of KHCO3 

electrolyte. (a) FE, (b) production rate of H2O2, and (c) change in conductivity in the anolyte circulated with 

KHCO3: (■) 1 mol L-1, (●) 2 mol L-1, and (▲) 2.7 mol L-1. Experiment conditions: flow cell at 100 mA cm-2 for 

150 min and 200 mL anolyte circulated at 100 mL min-1. 
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Fig. S11. Comparison for electrolysis with different initial concentration of H2O2. H2O2 concentration in 

the anolyte using 2 mol L-1 KHCO3 with an initial H2O2 concentration of (■) 0.9 mmol L-1, and (●) 0 mmol L-

1. Experiment conditions: flow cell at 100 mA cm-2 for 150 min and 200 mL anolyte circulated at 100 

mL min-1.  
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Fig. S12. A comparison of different parameters with and without adding KHCO3. (a) H2O2 concentration, 

(b) pH change, (c) conductivity, (d) HCO3
- activity and (e) CO3

2- activity in the anolyte during 360 min of 

electrolysis at 100 mA cm-2 in 200 mL 2 mol L-1 KHCO3 (black curves) and addition of the KHCO3 salt to the 

2 mol L-1 KHCO3 electrolyte (orange curve) using a flow cell with a flow rate of 100 mL min-1.  
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To avoid a decrease in ion activity and pH, 10 g of KHCO3 was added to the 2 mol L-1 KHCO3 electrolyte 
after 130 and 240 minutes of electrolysis to reach an electrolyte concentration of 2.5 and 3.0 mol L-1 
KHCO3, respectively (Fig. S12a). A step increase in the pH and conductivity of the electrolyte was observed 
each time that KHCO3 was added to the solution (Fig. S12b, c). The conductivity increased from 99 to 117 
mS cm-1 in the first addition and from 105 to 126 mS cm-1 in the second (Fig. S12c). The activity of HCO3

- 
and CO3

2- ions in the electrolyte during the electrolysis was calculated based on the pH change (Fig. S12d, 
e). The activity of both HCO3

- and CO3
2- ions increased due to the rise in electrolyte concentration. The 

HCO3
- activity increased from 0.99 to 1.2 and thereafter from 1.2 to 1.4 after the second addition, whereas 

the CO3
2- ions activity increased from 0.008 to 0.014 and 0.009 to 0.016. The activity of CO3

2- ions (in 2 
mol L-1 KHCO3 solution at pH 8.4) is two orders of magnitude smaller than that of HCO3

- (Supporting 
Information, Fig. S2) and decreases during electrolysis, whereas the activity of HCO3

- ions appears to be 
constant at each addition. A comparison of the electrolysis with and without the addition of KHCO3 reveals 
that increasing the KHCO3 concentration results in an increase of H2O2 production, pH and conductivity of 
the electrolyte, as well as an increase in activity of HCO3

- and CO3
2- ions (Fig. S12a-e). 
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Fig. S13. Study on the impact of pH on H2O2 generation. LSV curves obtained using carbon fiber paper in 

different pH of 2 mol L-1 KHCO3 electrolyte at a scan rate of 100 mV s-1. The pH was adjusted by adding 

KOH. 
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Fig. S14. Study on the impact of Na2SiO3 stabilizer on H2O2 generation. (a) Faradaic efficiency and (b) 

production rate of H2O2 during 150 minutes of electrolysis at 100 mA cm-2 using a flow cell with a flow rate 

of 100 mL min-1 in 2 mol L-1 KHCO3 at (■)pH 8.4, (●) controlled pH 9, and (▲) at controlled pH 9 with 30 

mmol L-1 of Na2SiO3 as a stabilizer. Experiment conditions: Flow cell at 100 mA cm-2 with 200 mL anolyte 

at a flow rate of 100 mL min-1. 
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Fig. S15. Optimization of stabilizer concentration in the anodic generation of H2O2 in 2 mol L-1 KHCO3 

electrolytes at different pH levels. (a) Anodic H2O2 production with pH variation in 2 mol L-1 KHCO3 at 50 

mA cm-2 for 10 minutes in an H-cell with different amounts of stabilizer. Different concentrations of 

Na2SiO3 stabilizer (0, 30, 60, and 90 mmol L-1) were used at pH values of 9, 11, 12, 13, and 14. (b) Faradaic 

efficiency and (c) production rate of H2O2 during 150 minutes of electrolysis at 100 mA cm-2 in a flow cell 

in different controlled pH of 2 mol L-1 KHCO3. Upto pH 11, the stabilizer concentration used was 30 mmol L-

1. At pH 12, the stabilizer concentration was 90 mmol L-1. 
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Fig. S16. Anodic production of H2O2 in 2 mol L-1 KHCO3 electrolyte at pH 13. (a) Before and after pictures 

of the CFP electrode after 120 minute electrolysis at 100 mA cm-2 in a flow cell in 2 mol L-1 KHCO3 at pH 13. 

Comparison of (b) H2O2 concentration and (c) cell potential at 100 mA cm-2 using a flow cell with a flow 

rate of 100 mL min-1 in 2 mol L-1 KHCO3 controlled at (■) pH 12 and (●) pH 13 in presence of 90 mmol L-1 

Na2SiO3. 
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Fig. S17. H2O2 concentration as a function of Na2SiO3 concentration in 2 mol L-1 K2CO3 electrolyte. Anodic 

H2O2 production in 2 mol L-1 K2CO3 containing 0, 30, 60, and 90 mmol L-1 Na2SiO3 at 50 mA cm-2 for 10 

minutes in an H-cell. The initial pH of the electrolyte contaning 0, 30, 60, and 90 mmol L-1 Na2SiO3 was 12.6, 

12.9, 13.1, and 13.3 respectively.  
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Figure S1 SEM images of used BDD electrode. SEM images of used BDD in this study at different magnification. 
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The molar fractions for each species were calculated using Eqs. S2 and S3. The experiments were done 

in highly concentrated electrolytes, which differ from the ideal behavior of diluted electrolytes. As a 

result, the ion activities (aHCO3
-  and aCO3

2-) were calculated as shown in Eqs. S4 and S5 using the activity 

coefficient (f±) shown in Eq. S6, where zi is the charge of the ion, A is the Debye-Hückel parameter (0.51 

kg½ mol-½, for water at 25 °C), and B is a temperature-dependent parameter. In response to pH changes 

and carbonate equilibrium, we calculated the activity of HCO3
- (a(HCO3

-)) and CO3
2- (a(CO3

2-)) ions 

during electrolysis for each concentration (c) of KHCO3. 

Ka,i = 10-pKa,i  (S1) 

αHCO3
- = 

Ka,1.[H+]

[H+]2+ Ka,1.[H+] + Ka,1.Ka,2

 

 

(S2) 

αCO3
2-= 

Ka,1.Ka,2

[H+]2+ Ka,1.[H+] + Ka,1*Ka,2

 

 

(S3) 

 aHCO3
- = αHCO3

- .cKHCO3
. f± (S4) 

aCO3
2-= αCO3

2- .cKHCO3
. f± (S5) 

log f±= - 
A.zi

2.√j

1+B.ai.√j
 

(S6) 
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Figure S2 Comparison of electrolyte conditions using BDD as anode. Anodic H2O2 (a) concentration (b) FE, and 

(c) production rate for H2O2 production against applied current density during 10 minutes in 25 mL 2 mol L-1 

KHCO3 (pH 9) at room temperature and in ice bath using 5 cm2 BDD as an anode in a two compartment H-cell. 
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Figure S3 Comparison of electrolyte conditions using BDD as anode. Anodic H2O2 (a) production rate and (b) 

partial current density for H2O2 production against applied current density during 10 minutes in (■) 2 mol L-1 

KHCO3 at pH 8.4, and (▲) 2 mol L-1 K2CO3 at pH 12.6 on 5 cm2 BDD as an anode. 
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Scheme S1 Scheme for anodic H2O2 production in carbonate electrolyte. Carbonate (CO3
2−) can be anodically 

oxidized to peroxodicarbonate (C2O6
2−) species. C2O6

2− undergoes hydrolysis to form bicarbonate (HCO3
−) and 

hydrogen peroxide (H2O2). In alkaline electrolytes, HCO3
− ions are deprotonated to CO3

2−, which closes the cycle 

with a higher concentration of H2O2.1 
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Figure S4 Experimental setup for circular flow. (1) Cathodic compartment, (2) anodic compartment, (3) flow 

pump, (4) catholyte tank, and (5) anolyte tank. The anolyte collected in (5) is recirculated to the anodic half-cell 

and the product is collected in the same reservoir. 
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Figure S5 Anodic H2O2 production in a circular flow reactor. Anodic H2O2 (a) production rate, (b) cell potential, 

and (c) specific energy consumption to produce 1 kg of H2O2 at different current densities using a circular flow 

system. 
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Table S1 Anodic H2O2 production in a circular flow reactor. Faradaic efficiency and corresponding specific energy 

consumption to produce 1 kg of H2O2 over time at different current densities using a circular flow system. 

Time 
Faradaic efficiency 

(%) 
Specific energy consumption  

(kWh-1 kg-1) 

(min) 
100 

mA cm-2 
200 

mA cm-2 
300 

mA cm-2 
100 

mA cm-2 
200 

mA cm-2 
300 

mA cm-2 

15 39.09 44.86 40.41 0.58 0.62 0.79 

30 34.55 38.42 25.08 0.67 0.72 1.27 

45 31.72 29.91 17.13 0.73 0.92 1.86 

60 30.13 26.09 13.37 0.78 1.05 2.37 

90 22.07 18.31 9.14 1.06 1.50 3.47 

120 18.70 15.41 6.67 1.25 1.80 4.75 

150 14.08 11.48 5.40 1.67 2.42 5.90 
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Figure S6 Comparison of the sampling time during electrolysis in H-Cell. (a) Anodic H2O2 concentration, (b) FE, 

(c) production rate, and (d) partial current density at different applied current densities for 5 or 10 minutes. The 

electrolyte was 2 mol L-1 K2CO3 at pH 12.6 and the anode a 5 cm2 BDD. 
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Figure S7 H2O2 generation with multiple electrolyte flow cycles. Change in (a) conductivity of the electrolyte, 

(b) cell potential, and (c) energy consumption against time at a current density of 100 and 300 mA cm-2 in 2 mol L-

1 K2CO3 with 90 mmol L-1 Na2SiO3 stabilizer using 10 cm2 BDD as an anode. The total volume of the electrolyte 

used for each cycle was 200 mL. Experiments were performed in a single flow system. The volume accumulated 

in each cycle was reused in the following one. 
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Figure S8 Effect of Na2SiO3 stabilizer on H2O2 generation in circular flow. Anodic H2O2 (a) concentration and (b) 

FE at current density of 200 mA cm-2 with (■) and without (●) 90 mmol L-1 Na2SiO3 at a controlled pH of 12.6. 

Each cell compartment contained a reservoir with 200 mL of 2 mol L-1 K2CO3 electrolyte circulating at 100 mL min-

1 flow rate. 
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Figure S9 Experimental setup of single-pass flow. (1) Cathodic compartment, (2) anodic compartment, (3) flow 

pump, (4) catholyte tank, (5) fresh anolyte tank before cell, and (6) collected anolyte containing H2O2 after flow 

cell.  
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Figure S10 Anodic H2O2 production in a single pass mode flow reactor. (a) Volume of electrolyte passed over 

time using a flow rate of 10 mL min-1. (b) H2O2 concentration, (c) FE, and (d) current density towards H2O2 during 

20 min of electrolysis. Change in (e) pH and (f) conductivity of the electrolyte at different current density in 2 

mol L-1 K2CO3 + 90 mmol L-1 Na2SiO3. Initial and final pH and conductivity corresponds to 0 and 20 minutes. 
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Figure S11 Anodic H2O2 production in a single pass mode flow reactor. Cell potential at different current 

densities using 10 mL min-1 flow rate without recirculation in 2 mol L-1 K2CO3 + 90 mmol L-1 Na2SiO3. 
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Table S2 A comparison of the reported work on water oxidation to H2O2 with our present study.  

Electrode Cell type 
Electro-

lyte 
Conditions* 

[H2O2]max 
Production  

rate 
Peak 

FE 
Ref. 

   pH j/P t EA VA S 
mmol L-1 µmol  

min-1 cm-2 
%  

PTFE/CFP 

H-Cell 

1 M 
Na2CO3 

12 100 420 0.36 25 ~30 3 23.4 66 2 

BDD/Nb 11.9 39.8 10 1.13 8.5 - - 3.93 31.7 3 

BDD/Ti 

2 M 
KHCO3 

8 120 5 7.4 25 - ~ 16 ~ 8 28 4 

BDD/Ti 8 295 5 7.4 25 - 29 19.7 ~ 22 4 

CaSnO3@CF-
2 

~8.3 
2.9 
V 

10 1.3 - - - 39.8 90 5 

CaSnO3/FTO 

Undivided 

8.3 
3.2 
V 

10 - 30 - - ~ 4.6 76 6 

CaSnO3/FTO 8.3 
2.2 
V 

720 - 30 - ~ 0.9 - - 6 

BiVO4/FTO 
1 M 

NaHCO3 
8.3 

3.1 
V 

- 1 20 - - 5.7 70 7 

BDD/Nb 
H-Cell 

2 M 
Hybrid 

10 300 5 ~7 25 - 104.6 76.4 82 8 

BDD/Nb 5 M K2CO3 >13 100 5 ~6 25 - 39 15.6 91.5 9 

CFP 

Flow-Cell 2 M K2CO3 12.6 

100 150 10 200 90 33 4.5 14.3 1 

BDD/Ta 

300 40 10 200 90 76 73 78 
This 
work 

300 80 10 200 90 110 46 50 

700 20 10 200 90 80 79 35 

*j: Current density (mA cm-2), P: Potential applied (V vs. RHE), t: Time (minutes), EA: Electrode geometric area 

(cm2), VA: Volume of anolyte (mL), S: Stabilizer concentration (mmol L-1 Na2SiO3) 
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Figure S12 Anodic H2O2 generation at different electrolyte flow rates. Specific electricity cost based on energy 

consumption to produce 1 kg of H2O2 at different flow rates. Experiment conditions: Flow cell with 200 mL 

anolyte at a constant current density (j) of 300 mA cm-2. 
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1 Experimental 

1.1 Materials Used 

Potassium hydrogen carbonate (KHCO3, Sigma Aldrich, 99.5%), potassium carbonate (K2CO3, ReagentPlus®, 

99%), titanium (IV) oxysulfate, and sodium metasilicate (Na2SiO3) were purchased from Sigma Aldrich. All 

materials and chemicals were used as received. 

Table S1 Specifications of different commercial BPP samples used this study. The information is provided 

by the supplier (SGL carbon). 

 
BPP 

Sample 
Polymer Type 

Polymer 
Content 

Commercial 
Name 

Tensile 
Strength 

Thickness 
Electrical 

Resistivity 

Thermal 
Conductivity 

  wt.% SIGRACELL® MPa mm Ωcm W/(Km) 

FP6 Fluoropolymer 6 TF6 20 0.6 2000 350 

FP15 Fluoropolymer 15 PV15 25 0.6 3000 300 

TR10 Thermoset resin 10 FR10 15 1.6 1000 400 

1.2 Material characterization 

A scanning electron microscope (SEM Carl Zeiss DSM 940 A Oberkochen, Germany) was used to examine 

the surface morphologies of all the carbon materials at 20 kV and a 6 mm working distance. The electrode 

materials were mounted on a carbon tape on an alumina plate sample holder. The elemental analysis for 

the electrode material was performed by energy-dispersive X-ray spectroscopy (EDX). 
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Figure S1 Characterization of graphite BPP used in this study. (a) SEM images of different graphite BPP. 

(b) EDX scan and composition (wt.%) of the elements present in each BPP. 
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Figure S2 Elemental mapping analysis (elements C, N, O and F) of graphite BPPs used in this study. SEM 

and EDX elemental mapping of 3 BPP samples (FP6, FP15, and TR10). The 3 samples, FP6, FP15, and TR10 

(a1-a3, SEM images), showed C element (b1-b3, in red), N element (c1-c3, in green), and O element (d1-

d3, in blue). FP6 and FP15 (a1 and a2) also showed N element (e1 and e2, in turquoise blue). 
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1.3 Electrochemical measurements 

The electrochemical characterization of the bipolar plate (BPP) samples was carried out by using an 

Autolab PGSTAT128N potentiostat/galvanostat with a 10 A booster controlled by the software NOVA 2.1 

(Metrohm, Switzerland). The electrochemical measurements were performed at 1 atm and 293 K in a two-

compartment H-Cell (Figure S3) in an ice bath with constant stirring of 1000 rpm. The electrolyte volume 

in each compartment was 25 mL. 2 mol L-1 K2CO3 was used as an electrolyte in both compartments. 

Different BPP samples with a geometric area of 5 cm2 were used as working electrodes. In Table S1, the 

characteristics of the BPP samples are listed. The cathode was a 1.5 cm x 3 cm Ti-Ir mesh, and the reference 

electrode was a miniature Ag/AgCl Reference Electrode (eDAQ). The potentials are reported against the 

reversible hydrogen electrode (RHE), calculated by the Eq. S1. The two compartments of the cell were 

separated by Nafion® 117 cation exchange membrane (CEM). Before each reaction, a CV was performed 

by sweeping the potential from OCP to +2.45 V vs. RHE at a scan rate of 100 mV s-1. H2O2 electrosynthesis 

was done by varying the current density from 10 to 300 mA cm-2 for 10 minutes. The electrolyte was 

changed after each current density screening.  

E(RHE) = EAg/AgCl + 0.059 pH + Eo
Ag/AgCl Eo

Ag/AgCl = 0.205 V (S1) 
 

 

 

Figure S3 Graphical representation of the two compartment H-cell used in this study. H-cell equipped 

with a 5 cm2 BPP sample and a Ti-Ir mesh cathode at a 6 cm distance and separated by a Nafion®117 

membrane. 

A microflow cell (Electrocell, Denmark) was used to perform experiments under flow. The cell is configured 

with 10 cm2 electrodes (3 x 3.5 cm) separated by a Nafion® 117 membrane. A carbon electrode and a FP15 

BPP sample were used as cathode and anode, respectively, with an electrode distance of 8 mm. Anolyte 

and catholyte volumes for each half-cell were 200 mL unless otherwise specified. The electrolyte flow rate 

was controlled by a flow pump (Watson-Marlow), ranging from 2 to 120 mL min-1. All flow experiments 

were performed using 2 mol L-1 K2CO3 with 90 mmol L-1 Na2SiO3 as a stabilizer.1 Multi-pass flow 

experiments (Figure S4a) were carried out at 100 mL min-1. Single pass flow experiments (Figure S4b) were 
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performed at different electrolyte flow rates ranging from 5 to 100 mL min-1. The electrolyte containing 

H2O2 was collected in a separate reservoir in single pass flow experiments. 2 mol L-1 K2CO3 was used as a 

catholyte and was recirculated in both single-pass and multi-pass experiments.  

 

 

Figure S4 Graphical representation of the flow system used in this study. (a) Multi-pass flow system 

where 200 mL of the electrolyte solution in a reservoir was used in each flow cell compartment circulating 

at a rate of 100 mL min-1. (b) Single pass flow system where 200 mL of the electrolyte solution in a reservoir 

was used in each flow cell compartment circulating at different flow rates (between 5 and 100 mL min-1). 

The anolyte was circulated through the anodic compartment and electrolyte containing H2O2 was collected 

in a separate reservoir. Both systems (multi and single-pass) were equipped with 10 cm2 carbon electrodes 

(cathode and anode) at 8 mm electrode distance divided by a Nafion®117 membrane.  
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1.4 Detection of H2O2 

It is worthwhile to mention the H2O2 detection methods are crucial for reporting the concentrations. 

Therefore we compared 2 different detection methods using standard and electrochemical samples. The 

2 methods were; 

1. Detection strips 

2. TiOSO4 colorimetry 

Detetction strips 

H2O2 concentration was determined by Quantofix 100 detection strips which turn blue in the presence of 

H2O2. Color intensity is measured photometrically by the Quantofix relax strip reader.  

TiOSO4 colorimetry method 

The TiOSO4 method was used to quantify H2O2, as described in the literature,. The solution was prepared 

by mixing 0.1 mol L-1 TiOSO4 in 2 mol L-1 H2SO4 before H2O2 detection. 25 µL of the H2O2 sample was mixed 

with 975 µL of a 0.1 mol L-1 TiOSO4 solution in a standard cuvette. Upon the addition of H2O2, a color change 

from colorless to yellow occurs due to the formation of pertitanic acid (Eq. S2). The absorbance of the 

solution was measured at 407 nm using a Shimadzu UV-1800 spectrophotometer. 

H2O2 + TiO2+ + H2O → H2TiO4 + 2H+      (S2) 

Both methods were compared by preparing standard solutions of H2O2, and measuring the H2O2 

concentration. The detection methods corroborated with the prepared concentration of H2O2 (Figure S5).  

 

Figure S5 Methods to detect H2O2. Comparison of two different methods (TiOSO4 colorimetry and 

detection strips) by preparing five known concentrations of H2O2 (5, 10, 25, 50, and 100 mmol L-1). 

Secondly, we also compared the H2O2 concentration produced via 2e- water oxidation with these 2 

methods and found out that with the detection strips, the H2O2 concentration detected was always higher 

than the detected with the TiOSO4 method (Figure S6). The TiOSO4 method has been known to be very 

accurate for H2O2 detection.2 A higher H2O2 concentration with detection strips can be due to the presence 

of H2O2 along with oxidants such peroxospecies (HCO4
- and C2O6

2-) as this methods quantify the total 

oxidants present.3 An overestimation of H2O2 concentration using detection strips was previously 

reported.4  The detection strips will detect all the oxidants including H2O2 present in the solution, whereas 

with TiOSO4, only H2O2 concentrations are detected.  
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Figure S6 Comparison of methods to detect H2O2 produced electrochemically. (a) H2O2 concentration and 

(b) FE at different current densities detected via TiOSO4 calorimetry and detection strips. The investigation 

was performed at different applied current densities (10-300 mA cm-2) for 10 minutes each step in 2 mol L-

1 K2CO3. All experiments were performed in a two-compartment H-cell in an ice bath with constant stirring 

of 1000 rpm for 10 minutes and using BPP FP6 anode with an area of 5 cm2. 

We confirmed the assumption of overestimation due to the presence of other oxidants by preparing 

standard solutions of H2O2, and a solution of mixture of equimolar concentration of K2S2O8 and H2O2. The 

quantofix detection strips detected both K2S2O8 and H2O2, however the TiOSO4 method only detected H2O2 

in both standard solutions (Figure S7). Therefore, TiOSO4 method was used for the detection of H2O2. 

 

Figure S7 Comparison of methods to detect H2O2 and K2S2O8. The concentration of H2O2 detected by 

preparing standard solutions of H2O2, and a solution of mixture of equimolar concentration of K2S2O8 and 

H2O2 using (a) TiOSO4 colorimetry and (b) detection strips method. 

The faradaic efficiency (FE) was calculated with Eq. S3: 

FE (%) = 
nH2O2  × z × F 

q
 ×100  (S3) 
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where nH2O2
 is the number of moles of H2O2 (in mol) produced, z is the number of electrons required for 

water oxidation to H2O2 (z = 2), F is the faradaic constant (96485 C mol-1), and q is the total charge passed 

(in Coulombs). 

The H2O2 production rate is given by Eq. S4: 

𝑃𝑟𝑜𝑑𝑢𝑐𝑡𝑖𝑜𝑛 𝑟𝑎𝑡𝑒 (µ𝑚𝑜𝑙 𝑚𝑖𝑛−1𝑐𝑚−2) =
𝐻2𝑂2 𝑑𝑒𝑡𝑒𝑐𝑡𝑒𝑑 (µ𝑚𝑜𝑙) 

𝑡𝑖𝑚𝑒 (𝑚𝑖𝑛)  × 𝑎𝑟𝑒𝑎 𝑜𝑓 𝑡ℎ𝑒 𝑒𝑙𝑒𝑐𝑡𝑟𝑜𝑑𝑒 (𝑐𝑚2)
  (S4) 

The energy consumption was calculated according to Eq. S5 

EC (kWh 𝑘𝑔−1) = 
U × z × F 

M x FE x 3600
 × 100  (S5) 

where U is the applied cell potential (in V), and M is the molar mass of H2O2 (in g mol-1). 
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Table S2 A literature comparison of the reported work on WOR to H2O2  

Electrode Cell type Electrolyte 

[H2O2]max 
Production  

rate 
Peak FE Ref. 

   
mmol L-1 µmol  

min-1 cm-2 
%  

BPP-FP15 

H-Cell 

2 M K2CO3 60 30 38 This work 

PTFE/CFP 

1 M Na2CO3 

3 23.4 66 5 

BDD/Nb - 3.93 31.7 2 

BDD/Ti 29 19.7 ~ 22 6 

BDD/Nb H-Cell 2 M Hybrid 104.6 76.4 82 7 

CFP 

Flow-Cell 2 M K2CO3 

33 4.5 14.3 1 

BDD/Ta 80 79 78 8 

BPP-FP15 50 25 44 This work 
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2 Comparison of multi and single-pass flow 

2.1 Multi-pass flow  

With multi-pass flow (Figure S4a), an increase in concentration of H2O2 was observed with time at a current 

density of 100 mA cm-2 (black curve, Figure S8a). However, with the increase in current density to 200 

mA cm-2, the concentration was higher for first 45 minutes, compared to 100 mA cm-2. After 45 minutes, 

the H2O2 concentration suddenly dropped with the cell potential abruptly increased from ~5 to 20 V, 

resulting in voltage overload (red curve, Figure S8a, b). At the same time, black oxide carbon particles were 

seen in the electrolyte. Therefore, the electrolysis at 200 mA cm-2 could not be performed beyond 60 

minutes. Before and after SEM images revealed an oxidized carbon surface after electrolysis at 200 mA cm-

2 (Figure S8c, d), which was confirmed with EDX elemental analysis (Table S3). Voltage overload occurred 

when the oxidized BPP was reused with a fresh electrolyte. A paper towel was used to clean the electrode's 

oxidized surface, followed by rinsing it with water (Figure S8c, d, cleaned surface). Consequently, the 

electrode's elemental composition (Table S3) changed, with lesser oxygen composition. The electrode was 

used again for electrolysis at 100 mA cm-2 (green curve, Figure S8a), which resulted in similar activity to 

that observed with a new electrode (black curve, Figure S8a). The cell potential also remained similar in 

both cases (black and green curve, Figure S8b). 

The flow rate of the electrolyte was lowered to 50 mL min-1, and the current density was maintained at 

100 mA cm-2 to determine the impact of the flow rate. With the increase in time, the H2O2 concentration 

followed the same trend as 100 mL min-1 for up to 1 hour (Figure S9a, b). A sudden decrease in H2O2 

concentration was observed after 1 hour and along with a color change in the electrolyte (Figure S9d). 

Moreover, the cell potential increased during the experiment and reached 23 V after 100 minutes. There 

was a similar oxidation of the electrode surface at 200 mA cm-2 (Figure S9c).  
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Figure S8 H2O2 production in a multi-pass flow system at different current densities. (a) H2O2 production 

and (b) change in cell potential over time using 10 cm2 FP15 BPP sample at different current densities. 

Experiment conditions: flow cell at 100 and 200 mA cm-2 for 150 min and 200 mL anolyte circulated at 100 

mL min-1. The experiments were performed using the same electrode. Order of the experiment was 

electrolysis at 100 mA cm-2 with the electrode (black curve), followed by electrolysis at 200 mA cm-2 with 

the used electrode (red curve). Electrolyis was again performed at 100 mA cm-2 after cleaning the oxidized 

surface of the electrode. (c) Actual and (d) SEM images of the new, after 200 mA cm-2 electroysis, and 

cleaned BPP electrode.  
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Table S3 EDX elemental analysis of FP15 sample before and after electrolysis at 200 mA cm-2. 

Elements FP15- New (%) FP15- Electrolysis @200 mA cm-2 (%) FP15- cleaned after Electrolysis 

Carbon 90.36 52.27 78.44 

Oxygen 1.59 23.06 6.02 

Fluorine 6.67 17.98 15.5 

Nitrogen 1.38 - - 

Potassium - 5.77 0.39 

Silicon - 0.91 - 

 

 

Figure S9 H2O2 production in a multi-pass flow system at different flow rates. (a) H2O2 production and 

(b) change in cell potential over time using 10 cm2 FP15 BPP sample at flow rate of 50 and 100 mL min-1 at 

a current density of 100 mA cm-2. Images of (c) oxidized electrode surface and (d) carbon particles in the 

electrolyte after electrolysis at 50 mL min-1 and current density of 100 mA cm-2.  
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2.2 Single-pass flow  

An increase in H2O2 concentration was observed with increased current density from 100 to 300 mA cm-2 

when single-pass flow (Figure S4b) at 10 mL min-1 was used. For each density, the concentration remained 

stable at each time interval (Figure S10a). The maximum H2O2 concentration reached was 31 mmol L-1 at 

300 mA cm-2, with a maximum FE of 42% at 200 mA cm-2 (Figure S10b). The cell potential was constant at 

all current densities, however, a slight increase was observed at 300 mA cm-2 at later time interval (Figure 

S10c). 

 

Figure S10 H2O2 production in a single-pass flow system (10 mL min-1) at different current densities. (a) 

H2O2 concentration, (b) FE, and (c) cell potential at different current densities. The flow cell has a working 

electrode area of 10 cm2 (geometric). 200 mL of 2 mol L-1 K2CO3 + 90 mmol L-1 Na2SiO3 was used in the 

anode compartment at a 10 mL min-1 flow rate without recirculation. Each step for electrolyte single pass 

took 20 minutes.  
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With the aim to reach at higher H2O2 concentration, a single-pass flow was also used at a lower flow rate 

of 5 mL min-1. At lower flow rate, higher H2O2 concentrations were observed at each current density 

(Figure S11a). The maximum FE was 44% at 200 mA cm-2 (Figure S11b). The current density could be 

reached up to 300 mA cm-2, however, the stability of the BPP electrode deteriorated after 10 minutes of 

electrolysis at this current density. The H2O2 concentration reached initially up to 65 mmol L-1, however, 

then started to decrease after 10 minutes (Figure S11a). The cell potential raised from 5.9 to 10.5 V after 

10 minutes at 300 mA cm-2 (Figure S11c). At the same time, black oxide carbon particles were seen in the 

electrolyte as observed in the multi-pass flow at 200 mA cm-2 and at a slower flow rate(Figure S8, 9). Thus, 

further long-term experiment was performed at 200 mA cm-2 using single-pass flow system, which had the 

maximum FE among all screened current densities at both flow rates (Figure S10b and S11b). 

 

Figure S11 H2O2 production in a single-pass flow system (5 mL min-1) at different current densities. (a) 

H2O2 concentration, (b) FE, and (c) cell potential at different current densities. The flow cell has a working 

electrode area of 10 cm2 (geometric). 200 mL of 2 mol L-1 K2CO3 + 90 mmol L-1 Na2SiO3 was used in the 

anode compartment at a 5 mL min-1 flow rate without recirculation. Each step for electrolyte single pass 

took 40 minutes. 
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2.3 Energy consumption and cost estimation 

The costs of the electrode materials used in this work have been calculated (per square meter) based on 

the current market prices gathered from the electrode material manufacturers and the literature.2, 9 BPP 

performs competitively to BDD at current densities of up to 200 mA cm-2. But at higher current densities 

(300 mA cm-2), BDD performs more efficiently in oxidative H2O2 production, with lower specific energy 

consumption (Table S4-6). For the simplistic comparison of a system with BPP anode with a system with 

BDD anode, we assume similar performances (as in case of 200 mA cm-2), and a life time of 1000 hours for 

each electrode. In such a case, the cost of anode would certainly impact the commercial implementation 

of electrochemically produced H2O2. The price of BPP is forecasted to be as low as $25 m-2 in future.10 The 

price of both BDD and BPP can significantly be reduced via large scale production. Alternatively, using a 

cheap substrate as in case of BDD would also reduce the price of the electrode. However, BPP will certainly 

still maintain a significant advantage in terms of price compared to BDD and is therefore likely to facilitate 

an overall lower capital expenditure of the electrolysis cell (Table S7). 

Table S4 H2O2 concentration, FE, cell voltage, and calculated energy consumption at different current 

densities using bipolar plate (BPP). The cost of renewable electricity is assumed to be 3 cents($) per kW 

per hour. 

Current density Concentration Voltage FE Energy consumption 

j (mA cm-2) mmol L-1 U % kWh kg-1 

100 11.24 4.28 35.95 18.75 

150 18.86 4.81 40.24 18.86 

200 26.79 5.31 42.90 19.53 

300 31.66 6.09 33.80 28.39 

 

Table S5 H2O2 concentration, FE, cell voltage, and calculated energy consumption at different current 

densities using boron-doped diamond (BDD). 

Current density Concentration Voltage FE Energy consumption 

j (mA cm-2) mmol L-1 U % kWh kg-1 

100 12.20 4.72 39.04 19.07 

150 20.28 5.39 43.29 19.64 

200 27.27 5.86 43.68 21.13 

300 46.59 6.66 49.75 21.11 

 

Table S6 Comparison of the current price and performance of BPP and BDD anode material at 200 and 300 

mA cm-2 

Electrode Cost FE (@200 mA cm-2) FE (@300 mA cm-2) 

 $ m-2 % % 

BPP 400 42.90 33.80 

BDD 26,500 43.68 49.75 
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Table S7 Cost estimation of BDD and BPP anodes.  

Electrode Present Case Optimistic Case Best Case 

 $ m-2 $ m-2 $ m-2 

BPP 400 200 25 

BDD 26,500 13250 1000 
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Figure S12 FP15 electrode before and after 100 hours of electrolysis. Before and after (a) Photos and (b) 

SEM images of the FP15 electrode used for 100 hours at 200 mA cm-2 under single-pass condition. 

Table S8 EDX elemental analysis of FP15 sample before and after electrolysis at 200 mA cm-2 for 100 hours 

in a single-pass.  

Elements FP15- New (%) FP15- Electrolysis after 100 hours (%) 

Carbon 90.36 88.72 

Oxygen 1.59 1.88 

Fluorine 6.67 6.99 

Nitrogen 1.38 2.17 

Potassium - 0.24 
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