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Abstract 

 

The decomposition of hydrogen peroxide catalyzed by iron and copper leads to the generation of 

reactive oxidants capable of oxidizing various organic compounds. However, the specific nature of the 

reactive oxidants is still unclear, with evidence suggesting the production of hydroxyl radical (

OH) or 

high-valent metal species. To identify the reactive species in the Fenton system, the oxidation of a series 

of different compounds (phenol, benzoic acid, methanol, Reactive Black 5 and arsenite) was studied for 

iron- and copper-catalyzed reactions at varying pH values. At lower pH values, more reactive oxidants 

appear to be formed in both iron and copper-catalyzed systems. The aromatic compounds, phenol and 

benzoic acid, were not oxidized under neutral or alkaline pH conditions, whereas methanol, Reactive 

Black 5, and arsenite were oxidized to a different degree, depending on the catalytic system. The oxidants 

responsible for the oxidation of compounds at neutral and alkaline pH values are likely to be high-valent 

metal complexes of iron and copper (i.e., ferryl and cupryl ions). 

Zero-valent iron (ZVI, Fe
0
) is known to activate oxygen (O2) into reactive oxidants such as 


OH and 

ferryl ion (Fe[IV]) capable of oxidizing contaminants. However, little is known about the effect of the 

particle size of ZVI on the yield of reactive oxidants. In this study, the production of reactive oxidants 

from nanoparticulate and microparticulate ZVIs (denoted as nZVI and mZVI, respectively) was 

comparatively investigated in the presence of O2 and EDTA. To quantify the oxidant yield, excess 

amount of methanol was employed, and the formation of its oxidation product, formaldehyde (HCHO), 

was monitored. The concentration of HCHO in the nZVI/O2 system rapidly reached the saturation value, 

whereas that in the mZVI/O2 system gradually increased throughout the entire reaction time. The 

mZVI/O2 system exhibited higher yields of HCHO than the nZVI/O2 system under both acidic and neutral 

pH conditions. The higher oxidant yields in the mZVI/O2 system are mainly attributed to the less 

reactivity of the mZVI surface with hydrogen peroxide (H2O2) relative to the surface of nZVI, which 

minimize the loss of H2O2 by ZVI (i.e., the two-electron reduction of H2O2 into water). In addition, the 

slow dissolution of Fe(II) from mZVI was found to be partially responsible for the higher oxidant yields 

at neutral pH. 

A magnetite-loaded mesocellular carbonaceous material, Fe3O4/MSU-F-C, exhibited superior activity 

as both a Fenton catalyst and an adsorbent for removal of phenol and arsenic, and strong magnetic 

property rendering it separable by simply applying magnetic field. In the presence of hydrogen peroxide, 

the catalytic process by Fe3O4/MSU-F-C completely oxidized phenol and As(III) under the conditions 

where commercial iron oxides showed negligible effects. Notably, the decomposition of H2O2 by 
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Fe3O4/MSU-F-C was not faster than those by commercial iron oxides, indicating that 

OH produced via 

the catalytic process by Fe3O4/MSU-F-C was used more efficiently for the oxidation of target 

contaminants compared to the other iron oxides. The homogeneous Fenton reaction by the dissolved iron 

species eluted from Fe3O4/MSU-F-C was insignificant. At relatively high doses of Fe3O4/MSU-F-C, total 

concentration of arsenic decreased to a significant extent due to the adsorption of arsenic on the catalyst 

surface. The removal of arsenic by adsorption was found to proceed via preoxidation of As(III) into As(V) 

and the subsequent adsorption of As(V) onto the catalyst. 
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Chapter 1. Overview 

 

1. Water Stress 

Water covers about 70% of our planet with forms of streams, rivers, lakes, oceans, ice or snow and so 

on. Water is abundant on our planet, but potable water is very limited. Only 2.5% of all water on earth is 

flesh water, and the limited amount of fresh water is available for people to drink. More than 1.2 billion 

people are suffering from insufficient drinking water. South Korea is also classified as water stressed 

country. According to a report of international water management institute, the total amount of annual 

water resource available is 1,453 cubic meters per person (383,842 gallons), which ranks Korea the 129th 

in the world. Water resource available in South Korea is less than 1,700 cubic meters per capita (Figure 

1.1). 

 

Figure 1.1. Water scarcity and annual water resource available 

(Source: International water management institute; Ministry of land, transport and maritime affairs) 

 

For decades, increasing human activities and industrial development in Korea have accelerated the 

discharge of refractory pollutants in the aquatic environment. Concerns on emerging water contaminants 
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such as pharmaceuticals and personal care products (PPCPs) have been raised as important issues. 

According to a report from the ministry of environment, industrial wastewater discharge from wastewater 

treatment plant (WWTP) has been annually increasing (Figure 1.2). As of late 2012, there are 53,138 

units of wastewater discharging facilities in Korea, which generate daily 3,643 tons of industrial 

wastewater. Approximately 20 PPCPs such as acetaminophen, ibuprofen, ketoprofen,, naproxen, 

gemfibrozil, caffeine, estrone, estriol, estradiol, and so on were detected in the wastewater effluents 

(Behera et al., 2011). 

 

 

Figure 1.2. Origins and fate of industrial wastewater and PPCPs in the environment 

(Source: ministry of environment, republic of Korea) 

 

The effective removal of organic pollutants in wastewater is an important issue due to their hazard to 

human health and the environment. However, conventional treatment methods such as 

coagulation/flocculation/sedimentation, granular filtration, and biological processes are not effective to 

treat refractory water contaminants (Gogate & Pandit, 2004; Jiang et al., 2009; Martinez et al., 2007). 

Stronger water treatment technologies are needed. 
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2. Strong Water Treatment Technologies 

Advanced oxidation processes (AOPs), one of powerful alternative technology, have been developed 

and widely studied nowadays (Hartmann et al., 2010). Strong oxidants such as the 

OH generated from 

ozone, hydrogen peroxide (H2O2), oxygen, and air with specific catalyst have been mainly used in these 

processes (Hartmann et al., 2010; Yamamoto et al., 2009). These AOPs are summarized in the following 

scheme1.1. 

 

Scheme 1.1. Reactive oxidants produced by strong water treatment technologies  

 

Among the rest, Fenton process based on the reaction of ferrous ion (Fe(II)) with H2O2 is well known 

to be very effective in the removal of various toxic materials (Li & Qu, 2009; Neyens & Baeyens, 2003). 

Considerable attention has been paid to Fenton reaction due to high efficiency, non-necessity of special 

equipment, low operation cost, and mild operating conditions (pressure and temperature) (Ramirez et al., 

2007).  

However, in spite of above-mentioned advantageous properties, homogeneous Fenton reaction has 

still some disadvantages for application such as recovery of iron ion to comply with environment 

regulations and formation of unwanted iron sludge (Martinez et al., 2007; Ramirez et al., 2007). These 
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drawbacks have been improved by introduction of heterogeneous Fenton catalysts using various support 

materials for immobilizing iron. Porous materials have been promising supports and adsorbents due to its 

large surface area and well-interconnected pores, however, zeolitic materials and activated carbons having 

large fraction of micropores showed poor catalytic activity due to slow diffusion kinetics or pore blocking 

by large molecules (Clark & Macquarrie, 1996; Gu et al., 2007; Pattanayak et al., 2000; Yamamoto et al., 

2009). Therefore, catalytic supports with relatively large pore sizes are required for practical applications. 
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3. Literature Review 

3.1. Iron-Catalyzed Fenton-Like Systems 

3.1.1. Iron-Catalyzed Decomposition of Hydrogen Peroxide 

The iron-catalyzed Fenton (-like) systems produces diverse reactive oxidants such as superoxide 

(O2


), 

OH or Fe(IV) by the reaction of Fe(II) with H2O2 via two-electron transfer (reactions 1 and 2). 

 

Fe(III) + H2O2     →  Fe(II) + O2


 + H
+ 

                                                                                            (1) 

Fe(II) + H2O2    
H2

 Fe(III) + 

OH + OH


  or  Fe(IV) + 2H2O                                                          (2) 

 

Also, Fe(II) reduces O2 into H2O2 via a series of one-electron transfer (reactions 3 & 4), and the 

subsequent Fenton reaction (reaction 2) produces reactive oxidants. Herein, Fe(II) is an interesting tool 

for in situ production of H2O2 from O2 activation.  

 

Fe(II) + O2  →  Fe(III) + O2


                                            (3) 

Fe(II) + O2


 
H2

  Fe(III) + H2O2                                           (4) 

 

However, the application of this treatment process has been limited because the reaction rate of Fe(III) 

with H2O2 is slow (scheme1.2). 
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Scheme 1.2. Rate-determining step for oxidant production in the iron/H2O2 system 

 

3.1.2. ZVI/O2 System 

The mechanism for the oxidant production by the ZVI/O2 system involves the in-situ formation of 

hydrogen peroxide (H2O2) and the subsequent Fenton reaction. As the first step, H2O2 is formed on the 

surface of ZVI by two-electron reduction of O2 (reaction 4). H2O2 so produced is either reduced to water 

by another two-electron transfer from ZVI (reaction 5;(Zecevic et al., 1989; Zecevic et al., 1991), or is 

converted into reactive oxidants such as 

OH and ferryl ion (Fe[IV]) by reaction with Fe(II) (i.e., Fenton 

reaction; reaction 6).  

 

Fe
0
(s) + O2 

H2
  Fe(II) + H2O2                                           (4) 

Fe
0
(s) + H2O2 

H2
 Fe(II) + 2H2O                                           (5) 

Fe(II) + H2O2  →  Fe(III) + 

OH + OH


  or  Fe(IV) + H2O                                      (6) 
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The oxidation of Fe(II), the primary corrosion product of ZVI (from reactions 4 & 6), also produces 

reactive oxidants under neutral pH conditions.  

The ZVI/O2 system is an interesting tool of activating O2 for contaminant oxidation. However, the low 

yields of reactive oxidants can limit the application of this system. According to a previous study(Keenan 

& Sedlak, 2008a), the oxidant yields based on the dose of ZVI (i.e., Δ[Oxidants]/Δ[Fe
0
]) are less than 10% 

in the nZVI/O2 system, even if the theoretical maximum of the value is 100% when only reactions 4 and 6 

are taken into account. It was also found that in the nZVI/O2 system the production of oxidants at neutral 

pH values mainly results from the oxidation of Fe(II) by O2 (Keenan & Sedlak, 2008a). For the low 

oxidant yields, the loss of H2O2 by two-electron reduction on the surface of ZVI (reaction 5) is the 

primary cause (Keenan & Sedlak, 2008a), and the passivation of ZVI surfaces and the co-precipitation of 

Fe(II) and Fe(III) species at neutral pH are also partially responsible (Joo et al., 2005; Keenan & Sedlak, 

2008a). In order to improve the oxidant production by the ZVI/O2 system, several approaches such as the 

addition of iron-chelating ligands (Englehardt et al., 2007; Keenan & Sedlak, 2008c) or polyoxometalates 

(Lee et al., 2008a; Lee et al., 2007), and the introduction of secondary metal (e.g., nickel-iron bimetal) 

(Lee & Sedlak, 2008a) have been attempted (Figure 1.3). 
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Figure 1.3. Previous studies for oxidants yields 

 

The yields of reactive oxidants produced by nZVI in the presence of O2 are relatively well-

documented with influences of reaction parameters and additives (Keenan & Sedlak, 2008a; Keenan & 

Sedlak, 2008c; Lee et al., 2008a). However, the oxidant yields from microparticulate granular ZVI have 

not been explored. 
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3.1.3. Controversial Issues of Fenton Reaction - Radical and Non-radical Pathways 

For decades, there have been questions about the identity of the reactive oxidant produced when 

hydrogen peroxide reacts with Fe(II) (Goldstein et al., 1993). These controversial issues are summarized 

in the following scheme 1.3 and table 1.1. 

 

Scheme 1.3. Controversial issues of iron/H2O2 systems 

 

According to the literature (Goldstein & Meyerstein, 1999; Goldstein et al., 1993), in the initial stage 

of the reaction, an inner-sphere complex is formed between Fe(II) and H2O2 (i.e., a iron(II)-peroxide 

complex). This transient species decomposes into reactive oxidants (either 

OH via a one-electron transfer 

from iron to peroxide ligand, or ferryl ion, Fe(IV) via a two-electron transfer). Since Haber and Weiss 

(1934) first proposed a mechanism involving 

OH, many researchers have produced evidence supporting 

the free radical mechanism using electron spin resonance spectroscopy with spin trapping (Yagi et al., 

1992; Yagi et al., 1993; Yamazaki & Piette, 1991) and analysis of the oxidation products of probe 

compounds (Baker & Gebicki, 1984; Halliwell & Gutteridge, 1981) to implicate 

OH. Other groups have 
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hypothesized the production of Fe(IV) from the reaction, using the formation of non-hydroxylated 

oxidation products and the inability of 

OH scavengers to prevent the oxidation of probe compounds as 

evidence against the 

OH-based reaction (Bossmann et al., 1998; Bray & Gorin, 1932; Goldstein & 

Czapski, 1990; Goldstein et al., 1993; Sutton, 1989). They also have questioned the methods used for 

identification of 

OH (Goldstein et al., 1993).  

A possible explanation for the discrepancy between the two groups is a shift in the reaction mechanism 

under different conditions (Hug et al., 2001; Hug & Leupin, 2003; Katsoyiannis et al., 2008). For 

example, the effect of 2-propanol on arsenite oxidation by the Fenton reaction is pH-dependent. At pH 

values below 5, 2-propanol can prevent As(III) oxidation while it has little effect under circumneutral 

conditions, which is consistent with a shift in the oxidant from 

OH to Fe(IV) as pH increases. This 

assertion was supported by studies on the oxidation of organic compounds by nanoparticulate zero-valent 

iron (nZVI) in the presence of oxygen (i.e., the Fe
0
/O2 system) (Keenan & Sedlak, 2008a; Keenan & 

Sedlak, 2008c; Lee & Sedlak, 2008b) that showed a similar shift from 

OH to Fe(IV) with increasing pH. 

However, a more recent study that used sulfoxides as probes suggested that Fe(IV) was not the oxidant 

formed at circumneutral pH values (Pang et al., 2011). The failure of sulfoxides to quench the oxidant at 

neutral pH was suggested as the critical evidence against the production of Fe(IV) because a previous 

study had documented a rapid reaction between Fe=O
2+

 and sulfoxide. The authors suggested that the pH-

dependence of the formation of oxidation products and the inability of oxidant scavengers such as 2-

propanol to stop As(III) oxidation was attributable to complex reactions involving radical intermediates or 

surface-bound 

OH.  
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Table 1.1. Previous studies of iron-catalyzed decomposition of hydrogen peroxide 

References Years Fenton type Methods Oxidants 

Halliwell and 

Gutteridge 

(FEBS Lett.,) 

1981 
Fe(II)/O2 

system 

Probe compound 

(Deoxyribose) 

OH 

Baker and Gebicki 

(Arch. Biochem. 

Biophys.,) 

1984 
Ligand-

Fenton system 

Probe compound 

(Benzoic acid) 

OH 

Bossmann et al., (J. 

Phys. Chem. A, ) 
1998 

Photo-

Fenton system 

Probe compound 

(2,4-xylidine) 

Neutral pH; 

Fe(IV) 

(metal-hydroxo species) 

Hug et al., 

(Environ. Sci. 

Technol.,) 

2001 

 

Photo-

Fenton system 

Probe compound 

(2-propanol, As(III)) 

Neutral pH; 

Fe(IV) 

(metal-hydroxo species) 

Hug and Leupin, 

(Environ. Sci. 

Technol.,) 

2003 
Fenton 

system 

Probe compound 

(2-propanol, As(III)) 

Neutral pH; 

Fe(IV) 

(metal-hydroxo species) 

Katsoyiannis et al., 

(Environ. Sci. 

Technol.,) 

2008 
Fe

0
/O2 

System 

Probe compound 

(2-propanol, BPY, 

As(III)) 

 

Neutral pH; 

Fe(IV) 

(metal-hydroxo species) 

Keenan and Sedlak, 

(Environ. Sci. 

Technol.,) 

2008 
nFe

0
/O2 

System 

Probe compound 

(ethanol, methanol, 

2-propanol,Benzoic acid) 

Neutral pH; 

Fe(IV) 

(metal-hydroxo species) 

Keenan and Sedlak, 

(Environ. Sci. 

Technol.,) 

2008 
nFe

0
/O2 

System 

Probe compound 

(methanol, 2-

propanol,Benzoic acid) 

Neutral pH; 

Fe(IV) 

(metal-hydroxo species) 

Lee and Sedlak, 

(Environ. Sci. 

Technol.,) 

2008 
nFe

0
-Ni/O2 

System 

Probe compound 

(methanol) 

Neutral pH; 

Fe(IV) 

(metal-oxospecies) 

 

Pang et al., 

(Environ. Sci. 

Technol.,) 

2011 
Fenton 

system 

Probe compound 

(sulfoxide) 

Neutral pH; 

Fe(IV) 

(metal-oxospecies) 
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3.2. Copper-Catalyzed Fenton-Like Systems 

3.2.1. Copper-Catalyzed Decomposition of Hydrogen Peroxide 

The copper(II)-catalyzed Fenton (-like) systems produces diverse reactive oxidants such as superoxide 

(O2


), 

OH or Cu(III) by the reaction of Cu(I) with H2O2 via two-electron transfer (reactions 1 and 2). 

 

Cu(II) + H2O2     →  Cu(I) + O2


 + H
+ 

                                                                                             (1) 

Cu(I) + H2O2    
H2

 Cu(II) + 

OH + OH


  or  Cu(III) + 2H2O                                                           (2) 

 

Also, Cu(I) reduces O2 into H2O2 via a series of one-electron transfer (reactions 3 & 4), and the 

subsequent Fenton reaction (reaction 2) produces reactive oxidants. Herein, Cu(I) is an interesting tool for 

in situ production of H2O2 from O2 activation.  

 

Cu(I) + O2  →  Cu(II) + O2


                                           (3) 

Cu(I) + O2


 
H2

  Cu(II) + H2O2                                          (4) 

 

However, the application of this treatment process has been limited because the reaction rate of Cu(II) 

with H2O2 is slow (scheme1.4). 
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Scheme 1.4. Rate-determining step for oxidant production in the copper/H2O2 system 
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3.2.2. Controversial Issues of Fenton Reaction - Radical and Non-radical Pathways 

Similarly, there has been a debate on the reactive oxidant for the copper-catalyzed Fenton-like reaction. 

These controversial issues are summarized in the following scheme 1.5 and table 1.2. 

 

Scheme 1.5. The controversial issues of copper/H2O2 systems 

 

Several previous studies have produced evidence for and against the formation of 

OH, and cupryl ions 

(Cu(III), analogous to Fe(IV) in the iron-catalyzed reaction) have most often been suggested as the 

alternative oxidant to 

OH (Eberhardt et al., 1989; Johnson et al., 1988; Johnson et al., 1985). However, 

little is known about whether solution pH can affect the nature of the reactive oxidants formed from the 

copper-catalyzed system.  
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Table 1.2. Previous studies of copper-catalyzed decomposition of hydrogen peroxide 

References Years Fenton type Methods Oxidants 

Manfred  et. al., 

(J. Org. Chem.) 
1988 

Cu(I)/O2 

System and 

Cu(I)/Ascorbic 

Acid/O2 System 

Probe 

compound 

(DMSO) 


OH 

Manfred et. al., 

(J. Org. Chem.) 
1989 

Cu(I)/H2O2 

System 

Aromatic 

compounds 

(fluorobenzene, 

anisole, and 

nitrobenzene) 


OH  

or 

Cu(III) 

(metal-hydroxo species) 

Kolthoff, 

(J. Electroanal. 

Chem.) 

1966 
Cu(II)/H2O2 

System 
Polarography 

Cu(III) 

(metal-hydroxo species) 

Meyerstein 

(Inorganic 

Chemistry) 

1971 
Pulse Radiolytic 

system 

Pulse 

Radiolytic Study 

(300 nm) 


OH  

or 

Cu(III) 

(metal-hydroxo species) 

Johnson et. al., 

(J. Chem. Soc. 

Chem. Commun.) 

1985 
Cu(I)/H2O2 

System 

Probe 

compound 

(Methanol) 

 

Cu(III) 

(metal-hydroxo species) 
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4. Objectives of This Study 

This study aims to provide insights into the nature of reactive oxidants produced by metal-catalyzed 

Fenton-like systems, and to develop new Fenton-like systems that overcome limitations of traditional 

Fenton systems such as large sludge production and low reactivity at neutral pH. Specific objectives of 

this study include: 

 

☞ To indentify the nature of the reactive oxidants (Fe(IV) ,Cu(III)) produced by the Iron/H2O2 and 

Copper/H2O2 Systems at neutral pH (chapter 2, 5) 

 

☞ To suggest the potential applications of oxidants (Fe(IV) ,Cu(III)) weaker than 
•
OH (chapter 2, 5) 

 

☞ To compare the oxidants yields of microparticulate ZVI (mZVI) and nanoparticulate ZVI (nZVI) in the 

presence and absence of EDTA (chapter 3) 

 

☞ To suggest the mechanistic differences of oxidants yields from nZVI and mZVI (chapter 3) 

 

☞ To develop the effective heterogeneous Fenton system using Fe3O4 nanoparticles-loaded MSU-F-C 

(Fe3O4/MSU-F-C) as both a catalyst and an adsorbent (chapter 4) 
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Chapter 2. pH-Dependent Reactivity of Oxidants Formed by Iron-

Catalyzed Decomposition of Hydrogen Peroxide 

 

1. Introduction 

For decades, there have been questions about the identity of the reactive oxidant produced when 

hydrogen peroxide reacts with Fe(II) (Goldstein et al., 1993). According to the literature (Goldstein & 

Meyerstein, 1999; Goldstein et al., 1993), in the initial stage of the reaction, an inner-sphere complex is 

formed between Fe(II) and H2O2 (i.e., a iron(II)-peroxide complex). This transient species decomposes 

into reactive oxidants (either 

OH via a one-electron transfer from iron to peroxide ligand, or ferryl ion, 

Fe(IV) via a two-electron transfer). Since Haber and Weiss (1934) first proposed a mechanism involving 


OH, many researchers have produced evidence supporting the free radical mechanism using electron spin 

resonance spectroscopy with spin trapping (Yagi et al., 1992; Yagi et al., 1993; Yamazaki & Piette, 1991) 

and analysis of the oxidation products of probe compounds (Baker & Gebicki, 1984; Halliwell & 

Gutteridge, 1981) to implicate 

OH. Other groups have hypothesized the production of Fe(IV) from the 

reaction, using the formation of non-hydroxylated oxidation products and the inability of 

OH scavengers 

to prevent the oxidation of probe compounds as evidence against the 

OH-based reaction (Bossmann et al., 

1998; Bray & Gorin, 1932; Goldstein & Czapski, 1990; Goldstein et al., 1993; Sutton, 1989). They also 

have questioned the methods used for identification of 

OH (Goldstein et al., 1993).  

A possible explanation for the discrepancy between the two groups is a shift in the reaction 

mechanism under different conditions (Hug et al., 2001; Hug & Leupin, 2003; Katsoyiannis et al., 2008). 

For example, the effect of 2-propanol on arsenite oxidation by the Fenton reaction is pH-dependent. At 

pH values below 5, 2-propanol can prevent As(III) oxidation while it has little effect under circumneutral 

conditions, which is consistent with a shift in the oxidant from 

OH to Fe(IV) as pH increases. This 

assertion was supported by studies on the oxidation of organic compounds by nanoparticulate zero-valent 

iron (nZVI) in the presence of oxygen (i.e., the Fe
0
/O2 system) (Keenan & Sedlak, 2008a; Keenan & 

Sedlak, 2008c; Lee & Sedlak, 2008b) that showed a similar shift from 

OH to Fe(IV) with increasing pH. 

However, a more recent study that used sulfoxides as probes suggested that Fe(IV) was not the oxidant 

formed at circumneutral pH values (Pang et al., 2011). The failure of sulfoxides to quench the oxidant at 

neutral pH was suggested as the critical evidence against the production of Fe(IV) because a previous 

study had documented a rapid reaction between Fe=O
2+

 and sulfoxide. The authors suggested that the pH-

dependence of the formation of oxidation products and the inability of oxidant scavengers such as 2-
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propanol to stop As(III) oxidation was attributable to complex reactions involving radical intermediates or 

surface-bound 

OH.  

The objectives of the present study were to assess changes in nature of oxidants produced in iron-

catalyzed decomposition of H2O2 by employing a comprehensive set of probe compounds under similar 

conditions. For this purpose, a series of experiments were carried out using various probe compounds that 

exhibit different reactivities with 

OH and high-valent metal species. The iron catalyzed Fenton (-like) 

systems were evaluated over 311, and the effect of oxidant scavengers on reaction kinetics and product 

yields were examined.  

 

2. Materials and Methods 

2.1. Reagents  

All chemicals were of reagent grade (Sigma-Aldrich) and were used without further purification, 

except for 2,4-dinitrophenyl hydrazine (DNPH). DNPH was recrystallized three times from acetonitrile 

prior to use. Deionized water (18 MΩ cm Milli-Q water from a Millipore system) was used to prepare all 

solutions. Fe(II) and Fe(III) stock solutions (10 mM) were prepared by dissolving ferrous sulfate and 

ferric perchlorate, respectively, in a 0.1 mM HClO4 solution. As(III) and As(V) stock solutions (10 mM) 

were prepared by dissolving sodium arsenite and sodium arsenate, respectively, in 10 mM HCl. H2O2 was 

used either neat (30 % w/v) or from a 10 mM stock solution. Stock solutions of phenol (10 mM), benzoic 

acid (10 mM), Reactive Black 5 (RB5) (1 mM) were also prepared and stored at 4 
o
C until use. 

 

2.2. Experimental setup and procedure  

All experiments were performed in 125-mL Pyrex flasks (100 mL reaction solution) at room 

temperature (20  2 
o
C). A pH buffer solution was not used for reactions at pH 35. For these 

experiments, initial pH was adjusted using either 1 N HClO4 or 1 N NaOH solution. 1 mM Buffer 

solutions of 2-(N-morpholino)ethanesulfonic acid (MES) and piperazine-N,N’-bis(ethanesulfonic acid) 

(PIPES) were used for reactions at pH 6 and 7, respectively. Borate buffer (1 mM) was used for reactions 

at pH 8–10. The experiments were initiated by adding an aliquot of freshly prepared stock solution of 

H2O2 to a pH-adjusted solution containing the probe compound and the metal ion. Reaction samples were 
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withdrawn using a 10-mL glass syringe at predetermined timed intervals, and filtered immediately using a 

0.45-µm nylon syringe filter. At least triplicate runs for each experiment were carried out, the mean 

values and standard deviations of which are presented.  

 

2.3. Oxidation of probe compounds  

Phenol, benzoic acid, methanol, RB5, and As(III) were used as probe compounds to assess the 

reactive oxidants produced. Aromatic compounds such as benzoic acid and phenol are not effectively 

oxidized by Fe(IV), whereas methanol, As(III), and RB5 are believed to be more susceptible to oxidation 

by high-valent metal species. More details regarding the selection of probe compounds based on their 

reactivity with reactive oxidants are described elsewhere (Keenan and Sedlak, 2008a). The oxidative 

transformation of the probe compounds (for phenol, benzoic acid, and RB5), or the formation of their 

oxidation products (for benzoic acid, methanol, and As(III)), were measured after a certain time of 

reaction. 1.10-phenonthroline and EDTA were used to quench the reactions within the iron and copper-

containing reaction vessels, respectively. tert-Butanol and dimethyl sulfoxide (DMSO) were tested for 

their ability to scavenge the reactive oxidants. In all the experiments, iron and copper without H2O2 did 

not lead to significant removal or oxidative transformation of probe compounds. Details regarding the 

selection of probe compounds and their reactivity with reactive oxidants are described elsewhere (Keenan 

& Sedlak, 2008a).  

 

2.4. Analytical methods  

The concentration of formaldehyde was determined using DNPH derivatization, followed by HPLC 

and UV absorbance detection at 350 nm (Zhou & Mopper, 1990b). Phenol, benzoic acid, and p-

hydroxybenzoic acid (i.e., the oxidation product of benzoic acid) were analyzed using HPLC with UV 

detection at both 255 and 270 nm. Separation was performed on a Dionex - Acclaim C18 column (250  

4.6 mm, 5 m), using both an aqueous solution of 10 mM nitric acid, and neat acetonitrile as the eluents, 

at a flow rate of 1.0 mL min
1

. The concentration of arsenate (As[V], the oxidation product of As(III)) 

was measured spectrophotometrically using the molybdenum blue method (Dhar et al., 2004a). RB5 was 

directly analyzed by measuring visible light absorbance at 597 nm.  
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3. Results  

3.1. Oxidation of phenol and benzoic acid  

The oxidative removal of phenol and benzoic acid were examined at pH 3 to 11 in the Fe(III)/H2O2 

and the Fe(II)/H2O2 systems (Figures 2.1a and 2.1b). In the Fe(III)/H2O2 system, both phenol and benzoic 

acid were completely oxidized at pH 3, whereas less than 25% loss of the compound was observed at pH 

values above 3. The Fe(II)/H2O2 system exhibited nearly complete removal of the compound up to pH 5 

for both phenol and benzoic acid.  

 

Figure 2.1. Oxidative removal of phenol (a) and benzoic acid (b) as a function of pH ([Fe(II)]0 = [Fe(III)]0 = 

[Phenol]0 = [Benzoic acid]0 = 0.1 mM; [H2O2]0 = 10 mM; [Borate buffer]0 = 1 mM at pH 8-10; Reaction time = 1 h; 

horizontal error bars represent pH variations during the reaction) 

 

The production of p-hydroxybenzoic acid (pHBA) from the oxidation of benzoic acid followed a 

similar trend to the removal of benzoic acid in the Fe(III)/H2O2 and the Fe(II)/H2O2, systems (Figure 2.2).  
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Figure 2.2. Production of pHBA in the iron the comparison of pHBA production (a)  and benzoic acid loss 

in the Fe(II)/H2O2 system (b) (For (a) & (b): [Fe(II)]0 = [Fe(III)]0 = 0.1 mM; [Benzoic acid]0 = 10 mM; [H2O2]0 = 

10 mM; [PIPES buffer] = 1 mM at pH 7; Reaction time = 1 h, for (b): [Fe(II)]0 = 0.1 mM; [Benzoic acid]0 = 1 mM; 

[H2O2]0 = 1 mM; Reaction time = 5 min) 

 

3.2. Oxidation of methanol  

The oxidation of methanol by Fe(III)/H2O2 and Fe(II)/H2O2 systems was examined by measuring its 

primary oxidation product, formaldehyde (HCHO) (Figure 2.3a). The oxidation of methanol exhibited 

trends that differed from those of phenol and benzoic acid. In the Fe(III)/H2O2 system, between 10 and 50 

μM of HCHO was produced for reactions in the pH range of 3 to 7. In the Fe(II)/H2O2 system, the HCHO 

yield was usually higher, with a distinct maximum around pH 6, which was similar to the trend observed 

when methanol was oxidized by nZVI in the presence of oxygen (Keenan & Sedlak, 2008a).  



 

  
22 

 

  

 

Figure 2.3. Formation of HCHO as a function of pH in the absence (a) and the presence (b) of DMSO as a 

function of pH ([Fe(II)]0 = [Fe(III)]0= 0.1 mM; [H2O2]0 = 1 mM; [Methanol]0 = [DMSO]0 = 200 mM; [MES 

buffer]0 = 1 mM at pH 6; [PIPES buffer]0 = 1 mM at pH 7; [Borate buffer]0 = 1 mM at pH 8-10; Reaction time = 1 h; 

horizontal error bars represent pH variations during the reaction) 

 

The production of HCHO from the oxidation of methanol was also quantified in the presence of equal 

concentrations of DMSO (Figure 2.3b). The control experiments performed with DMSO alone did not 

show any significant production of HCHO (Figure 2.4). As is apparent from comparison of Figures 2.3a 

and 2.3b, the introduction of DMSO inhibited HCHO production under acidic pH conditions more than 

under circumneutral or alkaline pH conditions.  
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Figure 2.4. HCHO formation from DMSO as a function of pH ([Fe(II)]0 = [Fe(III)]0 = 0.1 mM; [H2O2]0 = 1 

mM; [DMSO]0 = 200 mM; [MES buffer]0 = 1 mM at pH 6; [PIPES buffer]0 = 1 mM at pH 7; [Borate buffer]0 = 1 

mM at pH 8-10; Reaction time = 1 h) 

 

3.3. Oxidation of RB5 and As(III)  

The transformation of RB5 also exhibited a strong pH-dependence (Figure 2.5a). As was the cases for 

phenol and benzoic acid, the iron-catalyzed systems exhibited efficient removal of the compound, with 

the percent removed decreasing with increasing pH over the range of 38. Less than 20% of the RB5 was 

removed at pH values between 8 and 10. At pH 11, the removal of the compound increased in both 

systems, indicating that reactive oxidants are formed under the extreme alkaline conditions. 

For experiments involving As(III) oxidation (Figure 2.5b), a much lower concentration of H2O2 (0.2 

mM) was used because As(III) is directly oxidized by H2O2, particularly under alkaline conditions. In the 

Fe(II)/H2O2 system, the formation of more than 0.04 mM As(V) was observed over the entire pH range. A 

decrease in As(V) formation was observed at pH values between 8 and 9. The addition of tert-butanol 

significantly inhibited As(III) oxidation under acidic conditions, and the inhibitory effect diminished with 
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increasing pH. The Fe(III)/H2O2 system exhibited less As(V) formation under acidic conditions and 

nearly identical behavior with the Fe(II)/H2O2 system under alkaline conditions.  

 

Figure 2.5. Oxidative removal of RB5 (a) and oxidation of As(III) into As(V) (b) as a function of pH ((a): 

[Fe(II)]0 = [Fe(III)]0 = 0.1 mM; [H2O2]0 = 10 mM;  [RB5]0 = 0.01 mM ; [tert-Butanol]0 = 100 mM; Reaction time = 

1 h; (b): [Fe(II)]0 = [Fe(III)]0= [As(III)]0 = 0.1 mM; [H2O2]0 = 0.2 mM; [tert-Butanol]0 = 100 mM; Reaction time = 1 

h; horizontal error bars represent pH variations during the reaction) 
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3.4. Competitive oxidation of methanol versus As(III)  

To compare the reactivity of the oxidants formed under different pH conditions, the competitive 

oxidation of methanol and As(III) was investigated in the presence of Fe(II) and H2O2 at pH 3 and 7, 

respectively (Figures 2.6a and 2.6b). The formation of HCHO and As(V) from the solution containing 

both methanol and As(III) was measured at varying ratios of As(III) and methanol by increasing the 

concentration of As(III) at a fixed initial concentration of methanol. The concentration of As(V) increased 

as more As(III) was added, and less HCHO was produced under both pH conditions. The formation ratio 

of oxidation products (i.e., [As(V)] divided by [HCHO]) exhibited a linear correlation with the input ratio 

of As(III) and methanol (i.e., [As(III)] divided by [methanol]) under both pH conditions (See the insets of 

Figures 2.6a and 2.6b). However, the slope for the linear plot at pH 3 was approximately two hundred 

times lower than that at pH 7 (i.e., 10 at pH 3 versus 1.9 х 10
3
 at pH 7, respectively). 

 

Figure 2.6. Competitive oxidation of methanol and As(III) in the Fe(II)/H2O2 system at pH 3 (a) and pH 7 

(b) ((a): [Fe(II)]0 = 0.01 mM;  [H2O2]0 = 0.1 mM; [As(III)]0 = 0.1, 0.2, 0.5, 1.0 mM; [Methanol]0 = 10 mM; [PIPES 

buffer]0 = 1 mM at pH 7; Reaction time = 1 h; (b): [Fe(II)]0 = 0.01 mM;  [H2O2]0 = 0.1 mM; [As(III)]0 = 0.01, 0.05, 

0.1, 0.2, 0.5, 1.0 mM; [Methanol]0 = 200 mM; [PIPES buffer]0 = 1 mM at pH 7; Reaction time = 1 h) 
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4. Discussion 

4.1. Evidence for the pH-dependent shift in the reaction mechanism 

 The specific pH-dependencies of oxidation for different compounds are the primary evidence for the 

production of multiple reactive oxidants in the Fenton (-like) systems. Although the pH-dependent 

oxidation of benzoic acid, methanol, and As(III) in the Fenton systems has been reported previously (Hug 

et al., 2001; Hug & Leupin, 2003; Katsoyiannis et al., 2008), more extensive data with more compounds 

under different conditions were presented in this study, which strengthened the hypothesis that the 

reactive oxidant shifts with pH. In addition, a similar pH-dependency was observed for the first time in 

the copper-catalyzed Fenton-like reaction. 

In iron-catalyzed systems, the oxidative removal of phenol and benzoic acid was predominant under 

acidic conditions (Figures 2.1a and 2.1b), showing the same trend as that observed for production of 

pHBA (Figure 2.2a). The ratios of the production of pHBA to the loss of benzoic acid (i.e., [pHBA] 

divided by [BA]) were almost constant as 0.160.18 in the pH range of 35 (Figure 2.2b), indicating 

that the oxidative removal of benzoic acid is mainly due to 

OH. On the basis of the reported product ratio 

from the reaction of benzoic acid with •OH (i.e., o-HBA:m-HBA:p-HBA = 1.7:2.3:1.2) (Klein et al., 

1975), the yields of total hydroxybenzoic acids were calculated as 6877%. In contrast to phenol and 

benzoic acid, methanol, RB5, and As(III) were significantly oxidized at pH 6 and 7 in both iron-catalyzed 

systems (Figures 2.3a, 2.5a and 2.5b), suggesting that reactive oxidants other than 

OH are formed at 

neutral pH values (Keenan & Sedlak, 2008c). This assertion is supported by the competitive oxidation of 

methanol and As(III) (Figures 2.6a and 2.6b). At pH 3, the oxidation of As(III) is more favored over that 

of methanol by a factor of 10, which is consistent with the known kinetics of the 

OH reactions; the 

reported second rate constants for the reactions of 

OH with methanol and As(III) are 9.7 х 10

8
 (Buxton et 

al., 1988) and 8.5 х 10
9
 M

1
 s
1

 (Klaning et al., 1989), respectively. However, the selectivity factor for 

As(III) relative to methanol increased by up to 1800 at pH 7, indicating that much more selective oxidants 

than 

OH are formed under neutral conditions. 

The oxidation of all compounds began to slow down above pH 8 in the iron-catalyzed systems due to 

the low solubility of iron (both Fe(III) and Fe(II)). Interestingly the removal efficiencies of RB5 and 

As(III) were recovered under alkaline conditions (Figures 2.5a and 2.5b). It appears that under alkaline 

conditions, the Fenton reaction still produces oxidants that have different reactivities than those produced 

under neutral conditions.  
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The effects of 

OH scavengers are additional evidence for the production of alternative oxidants. The 

complete prevention of removal of phenol and benzoic acid by the addition of excess tert-butanol (Figure 

2.7) implies that a stronger oxidant, likely 

OH is mainly responsible for the oxidation of these 

compounds.  

 

Figure 2.7.  Removal of phenol (a) and benzoic acid (b) in the presence tert-butanol as a function of pH 

([Fe(II)]0 = [Fe(III)]0 = [Phenol]0 = [Benzoic acid]0 = 0.1 mM; [H2O2]0 = 10 mM; [tert-Butanol]0 = 100 mM; [Borate 

buffer]0 = 1 mM at pH 8-10; Reaction time = 1 h) 

 

The addition of DMSO and tert-butanol most effectively inhibited the oxidation of compounds under 

lower pH conditions (methanol oxidation in Figure 2.3b, As(III) oxidation in Figure 2.5b), which also 

supports the hypothesis that 

OH is the major oxidant under acidic conditions, and that more selective 

oxidants are dominant under neutral and alkaline conditions.  
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4.2. Possibility of surface-bound 

OH 

 An alternative explanation for the pH-dependent oxidation of compounds is that the behavior which 

is unexplained by free 

OH may be attributable to the formation of surface-bound 


OH, and not to the 

presence of high-valent metal species (Pang et al., 2011). It may be possible that under neutral and 

alkaline conditions, that 

OH is formed, and is bound to the surface (or the immediate vicinity) of 

insoluble metal species (iron and copper hydroxides or oxides). In this case, selective oxidation of 

compounds can occur depending on the affinity of a given compound for the surface of the heterogeneous 

metal species. However, evidence for alternative oxidants was found even under the conditions in which 

most of iron and copper species are present in soluble forms, which is inconsistent with the involvement 

of surface-assisted reactions. For example, in the Fe(II)/H2O2 system, the alternative oxidation behaviors 

of compounds (Figures 2.12.5) were apparent even at pH values less than 7, where 0.1 mM Fe(II) is 

highly soluble (Figure 2.8).  

 

Figure 2.8. pH-Concentration profiles of soluble Fe(II) ([Fe(II)]0  = 0.1 mM) 

 

The different competitive kinetics at pH 3 versus pH 7 (Figures 2.6a and 2.6b) were also found among 

conditions of Fe(II) solubility (i.e., 10 M).  
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4.3. Nature of alternative oxidants produced by the Fenton-type reactions 

 The alternative oxidants produced under circumneutral and alkaline conditions are likely high-valent 

iron (i.e., Fe(IV)). There may be more than one species of Fe(IV) formed by the Fenton (-like) reactions. 

For example, metal-oxo (e.g., Fe=O
2+

) and metal-hydroxo complexes (e.g., Fe(OH)2
2+

) are possible 

species, and these oxo and hydroxo complexes may be interconvertible by the fast hydration and 

dehydration equilibrium (reaction 1) (Pestovsky & Bakac, 2006a; Pestovsky & Bakac, 2004; Pestovsky & 

Bakac, 2006b).  

 

Fe=O
2+

 + H2O    Fe(OH)2
2+

                                                                                            (1) 

 

However, DMSO (an oxygen acceptor from the metal-oxo complexes) failed to quench the methanol 

oxidation reaction under neutral and alkaline conditions (Compare Figures 2.3a and 2.3b), excluding the 

possibility of the formation of metal-oxo complexes in the systems; the second order rate constants for the 

reaction of Fe=O
2+

 with methanol and DMSO are reportedly 5.72 х 10
2
 and 1.26 х 10

5
 M

1
 s

1
, 

respectively (Pestovsky & Bakac, 2006a; Pestovsky & Bakac, 2004; Pestovsky & Bakac, 2006b). This 

observation is in agreement with a recent study that reported the failure of sulfoxides to scavenge oxidants 

formed by the Fe
0
/O2 system (Pang et al., 2011). Therefore, it is possible that the hydroxo complexes may 

be the primary forms of high-valent metal complexes produced by the Fenton (-like) reactions (reactions 

2 and 3). 

 

Fe
2+

 + H2O2  →  Fe(OH)2
2+

                                                                               (2) 

 

As previously mentioned, the different behaviors in the oxidation of methanol versus RB5 (or As(III)) 

suggest that the oxidants under alkaline conditions are different from those produced under neutral 

conditions, which could be due to pH-dependent speciation of the metal-hydroxo species (e.g., Fe(OH)2
2+

, 

Fe(OH)3
+
, Fe(OH)5


, etc. for Fe(IV) species). The oxidation power of metal-hydroxo species typically 

decreases with increasing concentrations of hydroxo ligand, which serves as an electron donor (Bard et al., 

1985). It is possible that RB5 and As(III) are more vulnerable than methanol to oxidation by the Fe(IV)-
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hydroxo complexes occurring under alkaline conditions. However, to produce critical evidence for the 

presence of these complexes further study is needed. 

 

5. Conclusions 

The observations from this study provide new evidence that oxidants other than, and more selective 

than 

OH are produced by the iron-catalyzed Fenton (-like) reactions, and that they are mostly favored 

under neutral and alkaline conditions. The oxidants produced at neutral and alkaline pH values appear to 

be high-valent metal complexes of iron and copper. They are suggested to be the forms of Fe(IV)-

hydroxo complexes. When the Fenton (-like) systems are applied to water treatment processes under 

circumneutral conditions, they can exhibit a higher efficiency than the 

OH-based oxidation processes in 

transforming a specific group of contaminants. These selective oxidants may avoid undesired reactions 

with water constituents, such as natural organic matter. The Fenton (-like) systems may also be useful in 

disinfection. Selective oxidants, such as Fe(IV), should be more stable than 

OH in natural water, 

allowing greater exposure to microorganisms. They are also expected to produce less toxic byproducts 

compared to chlorine-based disinfectants.  
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6. Schematic representation 

 

Scheme 2.1. Schematic representation for reactive oxidants produced by the iron-catalyzed Fenton (-like) 

reactions as a function of pH 
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Chapter 3. Oxidant Production from Corrosion of Nano- and 

Microparticulate Zero-Valent Iron in the Presence of Oxygen: A Comparative 

Study 

 

1. Introduction 

The corrosion of zero-valent iron (ZVI, Fe
0
) by dissolved oxygen (O2) in water produces reactive 

oxidants capable of oxidizing organic and inorganic contaminants. Previous studies have demonstrated 

that the ZVI/O2 systems using granular or nanoparticulate ZVI (nZVI) can effectively oxidize various 

contaminants such as arsenite (As[III]), herbicides, phenolic compounds, chelating agents, and dyes 

(Englehardt et al., 2007; Joo et al., 2004; Leupin et al., 2005; Noradoun et al., 2003; Zhou et al., 2009). It 

has also been reported that the oxidative stress induced by nZVI leads to the microbial inactivation (Kim 

et al., 2011; Lee et al., 2008b). 

The mechanism for the oxidant production by the ZVI/O2 system involves the in-situ formation of 

hydrogen peroxide (H2O2) and the subsequent Fenton reaction. As the first step, H2O2 is formed on the 

surface of ZVI by two-electron reduction of O2 (reaction 1). H2O2 so produced is either reduced to water 

by another two-electron transfer from ZVI (reaction 2;(Zecevic et al., 1989; Zecevic et al., 1991), or is 

converted into reactive oxidants such as 

OH and Fe[IV] by reaction with Fe(II) (i.e., Fenton reaction; 

reaction 3).  

 

Fe
0
(s) + O2 

H2
  Fe(II) + H2O2                                           (1) 

Fe
0
(s) + H2O2 

H2
 Fe(II) + 2H2O                                           (2) 

Fe(II) + H2O2  →  Fe(III) + 

OH + OH


  or  Fe(IV) + H2O                                      (3) 

 

The oxidation of Fe(II), the primary corrosion product of ZVI (from reactions 1 & 2), also produces 

reactive oxidants under neutral pH conditions. Fe(II) reduces O2 into H2O2 via a series of one-electron 

transfer (reactions 4 & 5), and the subsequent Fenton reaction (reaction 3) produces reactive oxidants 

(King et al., 1995; Stumm & Lee, 1961).  

 

Fe(II) + O2  →  Fe(III) + O2


                                            (4) 

Fe(II) + O2


 
H2

  Fe(III) + H2O2                                           (5) 
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The ZVI/O2 system is an interesting tool of activating O2 for contaminant oxidation. However, the low 

yields of reactive oxidants can limit the application of this system. According to a previous study(Keenan 

& Sedlak, 2008a), the oxidant yields based on the dose of ZVI (i.e., Δ[Oxidants]/Δ[Fe
0
]) are less than 10% 

in the nZVI/O2 system, even if the theoretical maximum of the value is 100% when only reactions 1 and 3 

are taken into account. It was also found that in the nZVI/O2 system the production of oxidants at neutral 

pH values mainly results from the oxidation of Fe(II) by O2 (reactions 4 & 5) (Keenan & Sedlak, 2008a). 

For the low oxidant yields, the loss of H2O2 by two-electron reduction on the surface of ZVI (reaction 2) 

is the primary cause (Keenan & Sedlak, 2008a), and the passivation of ZVI surfaces and the co-

precipitation of Fe(II) and Fe(III) species at neutral pH are also partially responsible (Joo et al., 2005; 

Keenan & Sedlak, 2008a). In order to improve the oxidant production by the ZVI/O2 system, several 

approaches such as the addition of iron-chelating ligands (Englehardt et al., 2007; Keenan & Sedlak, 

2008c) or polyoxometalates (Lee et al., 2008a; Lee et al., 2007), and the introduction of secondary metal 

(e.g., nickel-iron bimetal) (Lee & Sedlak, 2008a) have been attempted. 

The yields of reactive oxidants produced by nZVI in the presence of O2 are relatively well-

documented with influences of reaction parameters and additives (Keenan & Sedlak, 2008a; Keenan & 

Sedlak, 2008c; Lee et al., 2008a). However, the oxidant yields from microparticulate granular ZVI have 

not been explored. The objective of this study was to quantify and compare oxidant yields from nZVI and 

microparticulate granular ZVI (mZVI) in the presence of O2 and EDTA, and to provide a mechanistic 

interpretation for the observations. A series of experiments was carried out using a probe compound, 

methanol that are known to form formaldehyde (HCHO) by the reaction with 

OH or Fe(IV). The 

formation of HCHO and the dissolution of Fe(II) were examined under various conditions. 

 

2. Materials and methods 

2.1. Reagents and synthesis of nZVI 

All chemicals were of reagent grade (obtained from Sigma-Aldrich Co., USA) and were used without 

further purification except for 2,4-dinitrophenyl hydrazine (DNPH). DNPH was recrystallized three times 

from acetonitrile prior to use. 18 MΩ·cm Milli-Q water from a Millipore system was used to prepare 

solutions. Iron powder (obtained from Acros Organics Co., USA) smaller than 70 mesh was used as a 

source of mZVI; the average particle size of mZVI was approximately 95 m. nZVI was synthesized by 

aqueous-phase reduction of ferrous sulfate solution using sodium borohydride as a reducing agent, and 

the details are described elsewhere (Lee et al., 2008b; Li et al., 2006). nZVI so produced exhibits chain-

shaped aggregates of spherical nanoparticles of which average diameter is approximately 35 nm (Lee et 

al., 2008b). TEM and SEM images of nZVI and mZVI are presented in Figure 3.1 (the supplementary 
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data). The suspension of nZVI was prepared daily and dried at room temperature (22  2
o
C) prior to use. 

The stock solution of ferrous sulfate (50 mM) was also prepared daily in 0.1 mM HCl solution.  

 

 

Figure 3.1.  TEM images of nZVI ((a), (b)) and SEM images of mZVI ((c), (d)) 

 

2.2. Measurement of oxidant yields  

In order to detect reactive oxidants, methanol was used as a probe compounds. An excess amount of 

methanol (200 mM) was employed to ensure that all the oxidants (i.e., 

OH and Fe(IV)) were scavenged, 

and the concentration of its oxidation product (HCHO) was monitored. Methanol has a low affinity for 

surfaces of metal oxides and is present as a neutral species over the pH range of interest. It appears that 

methanol reacts with both 

OH and Fe(IV) to produce a stoichiometic amount of HCHO (Keenan & 

Sedlak, 2008a). More details regarding the measurement of oxidant yields (the selection of probe 

compounds and the analyses of their oxidation products) are described in previous studies (Keenan & 

Sedlak, 2008a; Lee et al., 2008a; Lee & Sedlak, 2008a).  

 

 

(a) (b) 

(c) (d) 
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2.3. Experimental setup and procedure 

All experiments were carried out at room temperature (22  2
o
C) in 100 mL solution open to the 

atmosphere. For some experiments needing deaeration, the solution was sparged with ultrapure N2 gas 

using a needle-type diffuser for 10 min prior to the reaction and during the entire experiment. The 

solution pH for experiments conducted under acidic condition (pH 3) was adjusted using 1 N HClO4 

solution (perchlorate ion is inert). The solution pH of neutral solutions (pH 7) was buffered with 1 mM 

piperazine-N,N’-bis(ethanesulfonic acid) (PIPES) (Yu et al., 1997). For all experiments, the pH variations 

were less than 0.2 units during the reaction. The experiments were initiated by adding pre-weighed nZVI 

or mZVI powder to a pH-adjusted solution. The dose of nZVI and mZVI added was typically 0.25 mM 

(14 mg/L) as Fe. Samples were withdrawn using a 10 mL glass syringe at predetermined timed intervals 

and filtered immediately through a 0.22-µm nylon filter. All experiments were carried out at least in 

triplicate, and the mean values and standard deviations are presented. The oxidation reduction potential in 

the ZVI/O2 systems in the absence and presence of EDTA was monitored (Figure 3.2 in the 

supplementary data).  

 

Figure 3.2.  Oxidation-reduction potentials in the iron/O2 systems in the absence and presence of EDTA at 

neutral pH (pH = 7; [Fe(II)]0 = [nZVI]0 = [mZVI]0 = 0.25 mM as Fe; [EDTA]0 = 0.5 mM; Reference electrodes = 

Ag/AgCl; reaction time = 0.5 h) 
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2.4. Analytical methods 

The concentration of HCHO was determined using the DNPH derivatization followed by HPLC 

analysis with UV absorbance detection at 350 nm (Zhou & Mopper, 1990a). Separation was performed on 

a Dionex - Acclaim C18 column (250 mm  4.6 mm, 5 m) using 10 mM aqueous solution of nitric acid 

and neat acetonitrile as the eluent at 1.0 mL min
-1 

flow rate. Fe(II) was analyzed spectrophotometrically 

using the 1,10-phenanthroline method (Tamura et al., 1974a), and for the analysis of total iron 

concentration, Fe(III) was reduced to Fe(II) with hydroxylamine prior to the analysis of Fe(II). The X-ray 

diffraction (XRD) patterns were recorded with a diffractometer (Bruker, D8 Advanced).  

 

3. Results  

3.1. Oxidant production from Fe(II), nZVI, and mZVI 

The production of reactive oxidants and the iron dissolution by the Fe(II)/O2, the nZVI/O2, and the 

mZVI/O2 systems were examined in the absence and presence of EDTA under acidic (pH 3, Figure 3.3) 

and neutral (pH 7, Figure 3.4) conditions. The formation of HCHO, Fe(II), and total dissolved iron was 

monitored during the reaction time of 4 h in each system.  

 

 

Figure 3.3.  Production of HCHO (a) and iron dissolution (Fe(II), Fetot) (b, c) in the iron/O2 systems at 

acidic pH (pH = 3; [Fe(II)]0 = [nZVI]0 = [mZVI]0 = 0.25 mM as Fe; [EDTA]0 = 0.5 mM; [MeOH]0 = 200 mM; 

reaction time = 4.0 h) 
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At pH 3, in the absence of EDTA, less than 15 µM of HCHO was produced from each system, 

exhibiting increasing yields in the order of Fe(II) < nZVI < mZVI (Figure 3.3a). In the presence of EDTA, 

the production of HCHO was greatly enhanced; the concentrations of HCHO after 4 h reaction were 54, 

55, and 84 µM for Fe(II), nZVI, and mZVI, respectively. The HCHO concentration in the nZVI/O2 

system increased rapidly in the initial stage of the reaction, and reached the saturation value in 2 h. 

However, in the mZVI/O2 system, the HCHO concentration increased at a relatively steady rate, 

consequently resulting in the higher final value than those of the Fe(II)/O2 and the nZVI/O2 systems. 

Faster corrosion of nZVI compared to mZVI was evidenced by the formation of Fe(II); the production of 

Fe(II) was much faster for nZVI than mZVI in the absence of EDTA (Figure 3.3b). In the presence of 

EDTA, the dissolved Fe(II) was not detected due to the fast oxidation of Fe(II)-EDTA complexes by O2. 

The total iron concentrations in the absence of EDTA showed similar profiles to those in the presence of 

EDTA (Figure 3.3c).   

 

 

Figure 3.4.  Production of HCHO (a) and iron dissolution (Fe(II), Fetot) (b, c) in the iron/O2 systems at 

neutral pH (pH = 7; [Fe(II)]0 = [nZVI]0 = [mZVI]0 = 0.25 mM as Fe; [EDTA]0 = 0.5 mM; [MeOH]0 = 200 mM; 

reaction time = 4.0 h) 
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At pH 7, the production of HCHO was more or less enhanced in all the systems compared to pH 3 

(Figure 3.4a). In the absence of EDTA, the Fe(II)/O2, the nZVI/O2, and the mZVI/O2 systems produced 

24, 21, and 16 µM of HCHO in 4 h. As was the case at pH 3, the HCHO production was significantly 

improved by the addition of EDTA. In particular, the mZVI/O2 system with EDTA produced 120 µM 

HCHO. Because of the accelerated oxidation of Fe(II) at neutral pH, the Fe(II) concentration was not 

detected in most of the cases except for the Fe(II)/O2 system without EDTA, in which the initially-added 

Fe(II) was gradually oxidized (Figure 3.4b). The total ion concentration in the absence of EDTA 

exhibited almost the same profiles as the Fe(II) concentration (Figure 3.4c); Fe(III) is present as 

precipitates of Fe(III)-oxyhydroxides which is not measured as the total iron concentration. In the 

presence of EDTA, Fe(III) forms soluble complexes with EDTA.     

 

3.2. Effect of EDTA dose 

The production of HCHO by the Fe(II)/O2, the nZVI/O2, and the mZVI/O2 systems were quantified 

with varying the dose of EDTA at pH 3 and 7 (Figure 3.5). At pH 3, the mZVI/O2 system exhibited 

maximum production of HCHO at 1.0 mM EDTA, whereas in the Fe(II)/O2 and the nZVI/O2 systems the 

HCHO concentrations slightly decreased with increasing the EDTA dose (Figure 3.5a). At pH 7, the 

nZVI/O2 and the mZVI/O2 systems exhibited maximum production of HCHO at 1.0 and 0.5 mM EDTA, 

respectively (Figure 3.5b). In the Fe(II)/O2 system at pH 7, the HCHO production was not significantly 

influenced by the dose of EDTA. The mZVI/O2 system showed higher yields of HCHO than the Fe(II)/O2 

and the nZVI/O2 systems in the overall range of the EDTA concentration at both pH 3 and 7. 
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Figure 3.5.  Effect of EDTA dose on HCHO production ([Fe(II)]0 = [nZVI]0 = [mZVI]0 = 0.25 mM as Fe; 

[MeOH]0 = 200 mM; reaction time = 4.0 h). 

 

3.3. Yield of reactive oxidants 

The yields of reactive oxidants based on the dose of iron (i.e., Δ[HCHO]/Δ[Fe
0
 or Fe(II)]) were 

calculated from the results of 4 h reaction time in Figures 1 and 2, and were summarized in Figure 3.6 

(conditions: the Fe(II)/O2, the nZVI/O2, and the mZVI/O2 systems, in the absence and presence of EDTA, 

pH 3 and 7).  
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Figure 3.6. Yields of reactive oxidants in the iron/O2 systems in the absence and presence of EDTA 

([Fe(II)]0 = [nZVI]0 = [mZVI]0 = 0.25 mM as Fe; [EDTA]0 = 0.5 mM; [MeOH]0 = 200 mM; reaction time = 4.0 h) 

 

In the absence of EDTA, all three systems exhibited oxidant yields less than 10% at both pH 3 and 7. 

In the presence of EDTA, the oxidant yields in the Fe(II)/O2 and the nZVI/O2 ranged from 16 to 27%, 

which are somewhat higher than the values reported by the previous study (i.e., 5 ~ 13% at pH 3 and 7 

(Keenan & Sedlak, 2008c)). The mZVI/O2 system with EDTA exhibited the oxidant yields of 32 and 48% 

at pH 3 and 7, respectively. When dimethylsulfoxide (DMSO) was used as a probe compound, a similar 

trend in the oxidant yields was observed (Figure 3.7); DMSO is also known to produce HCHO as a 

primary oxidation product by the reaction with 

OH (Lee et al., 2004)  



 

  
41 

 

  

 

Figure 3.7. Yields of reactive oxidants from the iron/O2 systems in the absence and presence of EDTA. 

([Fe(II)]0 = [nZVI]0 = [mZVI]0 = 0.25 mM; [EDTA]0 = 0.5 mM; [DMSO]0 = 200 mM; [PIPES buffer = 1.0 mM at 

pH = 7.0]; reaction time = 4.0 h) 

 

3.4. Effect of split additions of Fe(II) on oxidant production 

The oxidant yields in the Fe(II)/O2 system were examined with split additions of Fe(II) (Figure 3.8). 

0.25 mM Fe(II) was split into doses of 10.25, 50.05, and 250.01 mM, respectively, and added into the 

solution at regular intervals during the reaction time of 1 h. At pH 3, the oxidant yield was not 

significantly affected by the split additions of Fe(II). However, at pH 7, the yield increased with 

increasing the number of split additions; a single addition of 0.25 mM Fe(II) resulted in approximately 8% 

of the oxidant yield, whereas the yield increased up to 20% by 25 split injections of 0.01 mM Fe(II).    
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Figure 3.8. Effect of split additions of Fe(II) in the Fe(II)/O2 system ([Fe(II)]added = 0.25 mM; [EDTA]0 = 

0.5 mM; [MeOH]0 = 200 mM; reaction time = 1.0 h) 

 

3.5. Reactivity of ZVI surfaces with O2 and H2O2 

The kinetics of the reactions of nZVI and mZVI with O2 and H2O2 were examined at pH 3 and 7, with 

1,10phenanthroline added in the solution to in situ measure the concentration of Fe(II) released from the 

surfaces of ZVI (Figure 3.9). For the reaction with O2 (Figure 3.9a), the rates of Fe(II) dissolution 

followed pseudo first-order kinetics as indicated by the linear curves in the plotting. The apparent rate 

constants for dissolution of Fe(II) from nZVI (2.3  10
1

 min
1

 at pH 3 and 1.7  10
1

 min
1

 at pH 7) were 

approximately an order of magnitude higher than those of mZVI (1.4  10
2

  min
1

 at pH 3 and 8.3  10
3

 

min
1

 at pH 7).. The rate constants at pH 3 were slightly higher than those at pH 7 for both nZVI and 

mZVI. For the reaction with H2O2 (Figure 3.9b), nZVI also exhibited much higher rates of Fe(II) 

dissolution than mZVI; in particular, mZVI showed almost no reactivity with H2O2. Different from the 

case for O2, the rates of Fe(II) dissolution from nZVI by H2O2 decreased as the reactions proceeded, 

deviating from pseudo first-order kinetics. In control experiments, the Fe(II) dissolution in the absence of 

O2 and H2O2 was negligible for both nZVI and mZVI at pH 3 and 7 (data not shown). 
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Figure 3.9. Time-dependent Fe(II) dissolution from reactions of nZVI and mZVI with O2 (a) and H2O2 (b) 

([nZVI]0 = [mZVI]0 = 0.25 mM as Fe; [1.10-phenanthrolin]0 = 10 mM; [O2]0 = 0.25 mM for (a) [Air saturation]; 

[H2O2]0 = 0.5 mM for (b) [N2 saturation]) 

 

4. Discussion 

4.1. Oxidant yields in the iron/O2 systems and the effect of EDTA 

Based on the suggested reactions 15, the theoretical maximum values of the oxidant yield 

(Δ[Oxidants]/Δ[Fe
0
 or Fe(II)]) are 100% for the ZVI/O2 systems and 33% for the Fe(II)/O2 system. 

According to reactions 1 & 3, to produce a unit of oxidant in the ZVI/O2 systems, an equivalent of Fe
0
 is 

required at the minimum dose (i.e., Δ[Oxidants]/Δ[Fe
0
] = 1 (100%)). For the Fe(II)/O2 system (reactions 4, 

5, & 3; only available at pH > 5 in the absence of organic ligands [11]), three equivalents are needed to 

produce a unit of oxidant (i.e., Δ[Oxidants]/Δ[Fe(II)] = 1/3 (33%)). However, the observed oxidant yields 

were less than 10% for all the systems of the Fe(II)/O2, the nZVI/O2, and the mZVI/O2 in the absence of 

EDTA (Figure 3.6). The low oxidant yields in the iron/O2 systems were explained by two factors (Joo et 

al., 2005; Keenan & Sedlak, 2008a). First, the loss of H2O2 on the surface of ZVI by reaction 2 is mainly 

responsible (Keenan & Sedlak, 2008a); it appears that more than 90% of H2O2 is consumed on the ZVI 
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surfaces. Second, under neutral conditions, the passivation of ZVI surfaces (the formation of iron-oxide 

coatings) and the co-precipitation of Fe(II) and Fe(III) species also lower the oxidant yield by limiting the 

availability of iron sources (i.e., Fe
0
 and Fe(II)) (Gunawardana et al., 2011; Joo et al., 2005; Keenan & 

Sedlak, 2008a).  

The addition of EDTA significantly enhances the oxidant yields in the iron/O2 systems (Figures 3.3 

and 3.4). The coordination of iron species with chelating agents such as EDTA can mitigate the two 

factors lowering the oxidant yields described above. First, the Fe(II)-EDTA complexes react with O2 and 

H2O2 faster than free Fe(II) ions because the redox potential of the Fe(III)/Fe(II) couple (0.771 VNHE) is 

lower than that of the Fe(III)-EDTA/Fe(II)-EDTA couple (0.12 VNHE) (Bandy et al., 2001; Bard, 1985). 

According to previous studies (Seibig & vanEldik, 1997; Zang & Vaneldik, 1990), the half-life of Fe(II)-

EDTA complexes is less than 1 s in the presence of O2 under the entire pH conditions of 27. As shown 

in Figures 3.3b and 3.4b, Fe(II) was not detected in the presence of EDTA due to the instantaneous 

oxidation of the Fe(II)-EDTA complexes. The enhanced reactivity of the Fe(II)-EDTA complexes with 

H2O2 (i.e., the enhanced Fenton reaction; reaction 3) increases the chances to transform H2O2 into reactive 

oxidants over the competition for H2O2 with Fe
0
 (reaction 2).  

Second, under neutral pH conditions, the soluble iron-EDTA complexes prevent the precipitation of 

iron oxides and hydroxides on the nZVI surface and in bulk solution (Keenan & Sedlak, 2008c; Lee et al., 

2008a) (refer to Figure 3.10 for the pH-dependent speciation of iron-EDTA complexes).  
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Figure 3.10.  Speciation of iron-EDTA complexes (Fe(II) (a) and Fe(III) (b)) calculated by MINEQL+ 4.6 

([Fe(II)]0 = [Fe(III)]0 = 0.25 mM; [EDTA]0 = 0.5 mM) 

 

As a result, the passivation of ZVI surfaces and the co-precipitation of Fe(II) and Fe(III) are mitigated, 

improving the availability of Fe
0
 and Fe(II) as electron sources for reducing O2 into reactive oxidants. No 

significant changes have been observed in the XRD patterns during the corrosion of mZVI in the presence 

of EDTA (Figure 3.11)  
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Figure 3.11. XRD patterns of mZVI before and after the reaction (pH = 7; [mZVI]0 = 25 mM as Fe; 

[EDTA]0 = 50 mM; reaction time = 4 h) 

 

4.2. Factors causing enhanced oxidant yields in the mZVI/O2 system 

   In the absence of EDTA, mZVI produces similar (pH 3) or slightly lower (pH 7) yields of oxidants 

compared to nZVI (Figures 3.6). In particular, the lower yield of oxidant in the mZVI/O2 system at pH 7 

appears to be attributed to the slow HCHO production due to the ZVI surface passivation (Figure 3.4a). 

However, in the presence of EDTA which mitigates the surface passivation and iron co-precipitation, the 

oxidant yields in the mZVI/O2 system were much higher than those of other systems (Figure 3.6). The 

higher oxidant yields from mZVI can be explained by two factors; 1) the low reactivity of ZVI surface 

with H2O2 and 2) the slow dissolution of Fe(II). 

   First, the lower surface reactivity of mZVI with H2O2 is the primary cause for the higher yields of 

oxidants. mZVI exhibited much less reactivity with externally-supplied H2O2 compared to nZVI (Figure 

3.9b), suggesting that the mZVI surface is less reactive with in situ-generated H2O2 as well. As described 

in Section 4.2, the two-electron reduction of H2O2 into water on the ZVI surface (reaction 2) limits the 

production of reactive oxidants. When the reactivity of ZVI surface with H2O2 is lower, H2O2 (formed by 

reaction 1) is more directed to the Fenton reaction to produce reactive oxidants (reaction 3). When the 

systems with external addition of H2O2 (the iron/H2O2 systems) were tested, HCHO was more produced 
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with mZVI compared to nZVI (Figure 3.12). In Figure 3.9a, it was also found that mZVI is less reactive 

with O2 than nZVI. The low reactivity toward O2 leads to the slow production of oxidants from mZVI as 

shown in Figures. 3.3a and 3.4a, but it does not directly influence the oxidant yield. A higher oxidant 

production by nickel-coated nZVI compared to bare nZVI has been similarly explained by the lower 

surface reactivity with H2O2 (Lee & Sedlak, 2008a).  

 

Figure 3.12. Production of formaldehyde from nZVI/H2O2 and mZVI/H2O2 in the absence and presence of 

EDTA ([nZVI]0 = [mZVI]0 = 0.25 mM; [EDTA]0 = 0.5 mM; [MeOH]0 = 200 mM; [H2O2]0 = 0.5 mM; reaction time 

= 4.0 h) 

 

   Second, the slow dissolution of Fe(II) from the ZVI surface appears to improve the production of 

reactive oxidants at neutral pH. The single addition and the split additions of Fe(II) (Figure 3.8) simulates 

the dissolution of Fe(II) from nZVI and mZVI, respectively, because nZVI is rapidly oxidized into Fe(II) 

upon its addition, but mZVI slowly releases Fe(II) during the reaction. The increase in oxidant yield by 

the split additions of Fe(II) indicate that the oxidant production can be improved by maintaining the 

concentration of Fe(II) low when Fe(II) is oxidized. However, the mechanism for this behavior is not 
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clear; further study is needed. One possible explanation is that Fe(II) scavenges a portion of reactive 

oxidants, most likely Fe(IV), at neutral pH (e.g., reaction 6). 

 

Fe(II) + Fe(IV)  →  2Fe(III)                                             (6) 

 

Previous studies suggested that the dominant oxidant produced by the Fenton reaction shifts from 

OH 

to Fe(IV) (a more selective oxidant) as the solution pH changes from acidic to neutral conditions (Hug & 

Leupin, 2003; Katsoyiannis et al., 2008; Keenan & Sedlak, 2008a). A similar shift in the reaction 

mechanism also takes place in the presence of EDTA; it has been suggested that the dominant oxidant 

produced by the nZVI/O2 system with EDTA is 

OH under acidic conditions and a mixture of 


OH and 

Fe(IV) at circumneutral pH (Keenan & Sedlak, 2008c). The Fe(IV) species produced at neutral pH may 

be consumed selectively by the reaction with Fe(II), viz. Fe(II)-EDTA complexes. Based on this 

explanation, the slow dissolution of Fe(II) from mZVI can contribute to the enhancement of oxidant 

yields by minimizing the Fe(II)-induced loss of  Fe(IV). 

 

5. Conclusions 

This study evaluated the production of reactive oxidants by the corrosion of nZVI and mZVI in the 

presence of O2 and EDTA. As a major observation, it was found that the mZVI/O2 system produces 

higher yields of oxidants compared to nZVI/O2 system at both acidic and neutral pH values. Two 

potential factors were suggested to explain the higher oxidant yields from mZVI; 1) the low reactivity of 

ZVI surface with H2O2 and 2) the slow dissolution of Fe(II). The first factor accounts for the oxidant 

production in the entire pH range, whereas the second factor is partially responsible for the oxidant yield 

at neutral pH. The findings from this work will be useful knowledge to select the types of ZVI (i.e., nZVI 

or mZVI) for application of the ZVI/O2 or the ZVI/H2O2 systems in the treatment of contaminated water 

(groundwater or wastewater) as well as to further fundamental studies on iron corrosion and applied 

systems using ZVI. 
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6. Schematic representation 

 

Scheme 3.1 Schematic representation for oxidant production from corrosion of nano- and 

microparticulate zero-valent iron in the presence of oxygen 
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Chapter 4. Magnetite/Mesocellular Carbon Foam as a Magnetically 

Recoverable Fenton Catalyst for Removal of Phenol and Arsenic 

 

1. Introduction 

The effective removal of organic pollutants and toxic metals in wastewater is an important issue due to 

their hazard to human health and the environment. However, conventional chemical and biological 

methods for wastewater treatment are not efficient and their practical applications are limited (Gogate & 

Pandit, 2004; Jiang et al., 2009; Martinez et al., 2007). To overcome this problem, advanced oxidation 

processes (AOPs), one of powerful alternative technology, have been developed and widely studied 

nowadays (Hartmann et al., 2010). Strong oxidants such as the 

OH generated from ozone, hydrogen 

peroxide (H2O2), oxygen, and air with specific catalyst have been mainly used in these processes 

(Hartmann et al., 2010; Yamamoto et al., 2009). Among the rest, Fenton process based on the reaction of 

ferrous ion (Fe(II)) with H2O2 is well known to be very effective in the removal of various toxic materials 

(Li & Qu, 2009; Neyens & Baeyens, 2003). Considerable attention has been paid to Fenton reaction due 

to high efficiency, non-necessity of special equipment, low operation cost, and mild operating conditions 

(pressure and temperature) (Ramirez et al., 2007).  

 However, in spite of above-mentioned advantageous properties, homogeneous Fenton reaction has still 

some disadvantages for application such as recovery of iron ion to comply with environment regulations 

and formation of unwanted iron sludge (Martinez et al., 2007; Ramirez et al., 2007). These drawbacks 

have been improved by introduction of heterogeneous Fenton catalysts using various support materials for 

immobilizing iron. Porous materials have been promising supports and adsorbents due to its large surface 

area and well-interconnected pores, however, zeolitic materials and activated carbons having large 

fraction of micropores showed poor catalytic activity due to slow diffusion kinetics or pore blocking by 

large molecules (Clark & Macquarrie, 1996; Gu et al., 2007; Pattanayak et al., 2000; Yamamoto et al., 

2009). Therefore, catalytic supports with relatively large pore sizes are required for practical applications. 

Mesoporous materials are good candidates for satisfying this condition because of facile diffusion of 

reactants and products through the pores, regular and tunable pore size with uniform pore structure, and 

good physiochemical stability as well as their large surface area and pore volume (Chen et al., 2009; Lim 

et al., 2006; Martinez et al., 2005; Wu & Zhao, 2011). Meanwhile, it is known that carbon based materials, 

which are thermally stable, chemically inert and low cost, show better adsorption property for organic 

pollutants compared with silica materials mainly owing to their hydrophobicity (Wu & Zhao, 2011). 

Recently developed template methods allow the synthesis of various kinds of well-ordered mesoporous 
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carbon, with uniform pore sizes and large surface areas, which provide efficient morphology for their 

application as supports and adsorbent (Jun et al., 2000; Lee et al., 2006; Lee et al., 2001; Lee et al., 1999; 

Ryoo et al., 1999). Accordingly, elimination of environmental pollutants such as degradation of dye 

(Ramirez et al., 2007), heavy metal adsorption (Gu & Deng, 2007; Gu et al., 2007), and the removal of 

organic phenolic compounds (Hu et al., 2012; Yamamoto et al., 2009; Zhang et al., 2011) using iron-

loaded mesoporous carbon have been reported by several research groups. However, mesoporous carbons 

used in previous reports have some drawbacks for removal of pollutants. First of all, pore size is too small 

to load sufficient amount of iron oxide nanoparticles on the inner pore walls since several nanometer 

sized particles of which particle size is similar to pore size are formed by impregnation method (Hu et al., 

2012). Thus, large fraction of pores is blocked and the merits of porous structure cannot be used 

efficiently. Mesoporous carbon capsule partially solved the above mentioned problems, however, it 

required complex synthetic method and magnetic saturation value was relatively low (Zhang et al., 2011). 

In the case of loading of iron ions or small amount of iron oxide nanoparticles (Gu & Deng, 2007; Gu et 

al., 2007; Ramirez et al., 2007; Yamamoto et al., 2009), catalyst contents are limited and sufficient 

magnetic saturation value for magnetic separation cannot be provided. Therefore, decrease of catalytic 

activity and necessity of complex recovery steps are inevitable. 

In this sense, development of mesoporous carbon with suitable pore structure is required and we 

employed a large pore-sized mesoporous carbon, mesocellular carbon foam (MSU-F-C), as a support 

material and adsorbent in this study. MSU-F-C, which has large interconnected pores (> 25 nm), with a 

large surface area (~ 1,000 m
2
 g

1
) and pore volume (~ 1.5 cm

3
 g

1
), provides several advantages over 

other types of mesoporous carbon with one-dimensional small-sized pores (~ 34 nm), such as CMK-3 

(Jun et al., 2000). Magnetite (Fe3O4) nanoparticles (> 10 nm) can be easily incorporated onto the inner 

pore walls without blocking the pore entrance. Therefore, i) a facile diffusion pathway through 

interconnected pores for catalytic reaction is assured even after loading of catalysts, ii) efficient loading of 

large amount of nanoparticles onto the carbon supports can be achieved using a simple impregnation 

method, iii) high concentration of ferrous ion due to loading of large amount of magnetite (Fe3O4) allow 

the superior catalytic activity for Fenton reaction. Furthermore, well-dispersed large amount of small-

sized (~ 15 nm) magnetite nanoparticles give magnetic functionality to catalytic adsorbent materials, 

which leads to facile magnetic separation after the removal of environmental waste. Compared with other 

iron oxides, magnetite is known to be the most effective heterogeneous Fenton catalyst due to the 

enhanced production of 

OH by Fe(II) in its structure (Kong et al., 1998; Kwan & Voelker, 2003); thus it 

is employed as catalyst in this study. 

 Herein, we report the highly efficient removal of aqueous phenol and arsenic by the heterogeneous 
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Fenton system, using Fe3O4 nanoparticles-loaded MSU-F-C (Fe3O4/MSU-F-C (Kang et al., 2011)) as both 

a catalyst and an adsorbent. Fe3O4/MSU-F-C showed superior activity compared to commercial iron 

oxides, including magnetite (Fe3O4), hematite (α-Fe2O3) and goethite (α-FeOOH), and it was easily 

separated with a permanent magnet and re-dispersed into solution due to its favourable magnetic 

properties. 

 

2. Material and methods 

2.1. Reagents 

Iron(III) nitrate nonahydrate (98.5%, extra pure) and ethyl alcohol (99.9%, guaranteed grade) were 

obtained from Samchun Chemical for synthesis of Fe3O4/MSU-F-C. All other chemicals were of reagent 

grade and were used as received without further purification. All aqueous solutions were prepared using 

18 MΩ Milli-Q water from a Millipore system. 10 mM Stock solutions of iron (Fe(II)) and arsenic 

(As(III), As(V)) were prepared by dissolving ferrous sulfate, sodium arsenite, and sodium arsenate in 

acidic solution (10 mM HCl). Stock solutions of phenol (10 mM) and H2O2 (1 M) was also prepared, 

respectively. The stock solutions were stored at 4 
o
C until use. Microsized powders of magnetite (Fe3O4), 

hematite (α-Fe2O3), goethite (α-FeOOH), and nanoparticulate magnetite were obtained from Sigma-

Aldrich Co. for comparative experiments with Fe3O4/MSU-F-C. The particle size and BET surface areas 

of commercial iron oxides are listed in the supplementary data (Table 4.1) 

 

Table 4.1 Characteristics of commercial iron oxides 

 Fe3O4 -Fe2O3 -FeOOH 

Particle Size (µm) 〈 5
 a
 〈 5

 a
 〈 5 

a
 

BET Surface Area 

(m
2 

g 
-1

 ) 

2
b
 11

b
 50

 b
 

15 
c
 39 

c
 43 

c
 

Source)  

a
 ; Value reported by the manufacturer,  

b
 ; K. Hanna, J. Colloid Interf. Sci., 2007, 309, 419. 

c
 ; P. J. Vikesland and R. L. Valentine, Environ .Sci. Technol., 2002, 36, 512.  
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2.2. Synthesis of Fe3O4/MSU-F-C  

MSU-F-C was prepared using mesocellular aluminosilicate foam as a silica template, following the 

previously reported procedures (Lee et al., 2001; Lee et al., 2002). For the synthesis of Fe3O4 (45 

wt%)/MSU-F-C, a wet impregnation method was employed (Kang et al., 2011). Briefly, the desired 

amount of Fe(NO3)3·9H2O ethanolic solution was impregnated into the MSU-F-C at room temperature. 

After evaporation of the ethanol under stirring, the resultant materials were heated to 400 C for 4 h under 

a H2/Ar atmosphere.  

 

2.3. Material characterization 

 The morphology was investigated using a scanning electron microscope (SEM, Hitachi S-4800) and 

a transmission electron microscope (TEM, Hitachi H-7600) operated at 100 kV. Energy-dispersive X-ray 

spectroscopy (EDS) was performed on a JEOL JEM-2200FS instrument operated at 200 kV. The nitrogen 

adsorption/desorption isotherms were measured at 77 K using a Tristar II 3020 system (Micromeritics 

Instrument Corporation). The samples were degassed overnight at 200 
o
C before measurements. The 

surface areas of the samples were calculated from the isotherms according to the Brunauer-Emmett-Teller 

(BET) method and the pore volumes were taken at P/Po = 0.995 single point. Powder X-ray diffraction 

(XRD) patterns were obtained with a Rigaku D/max-2500 diffractometer using Cu Kα radiation (λ = 

1.5418 Å ) at a scanning rate of 4.00
o
 min

-1
. Thermogravimetic analysis (TGA) was performed using a 

Perkin Elmer TGS-2 system under air atmosphere with a heating rate of 10 
o
C min

1
. A magnetic property 

measurement was carried out using a superconducting quantum interference device (SQUID) 

magnetometer (Quantum Design, MPMS XL-7) at 300 K. 

 

2.4. Apparatus and procedure for batch experiments of phenol and arsenic removal 

The entire experiments for removal of phenol and arsenic were performed in batch systems with 100 

mL Pyrex vials open to the atmosphere at room temperature (20  2 
o
C). The solution pH was initially 

adjusted using 0.1 N HCl and 0.1 N NaOH, and the variation of pH was less than 0.1 units during the 

reaction. The experiments were initiated by adding an aliquot of H2O2 stock solution to a pH-adjusted 

solution containing the target compound (phenol or As(III)) and the iron oxide catalyst. Samples were 

withdrawn at predetermined timed intervals, and filtered immediately through a 0.45 µm nylon filter. All 

the experiments were carried out in triplicate, and average values and the standard deviations are 

presented.  
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2.5. Analytical methods  

Phenol was analyzed using high-performance liquid chromatography (HPLC) with UV absorbance 

detection at 270 nm. Separation was performed on a Dionex - Acclaim C18 column using water with 10 

mM nitric acid and acetonitrile as the eluent at a flow rate of 1.0 mL min
1

. The Fe(II) concentration in 

solution was measured using the 1,10phenanthroline method (Tamura et al., 1974b). For the analysis of 

total iron concentration, Fe(III) was reduced to Fe(II) with hydroxylamine hydrochloride prior to the 

analysis of Fe(II). The analysis of As(V) was carried out using the molybdenum blue method (Dhar et al., 

2004b). The total arsenic concentration was determined by analyzing As(V) after As(III) was oxidized 

with potassium iodide solutions. The concentration of H2O2 was quantified by the titanium sulfate method 

(Eisenberg, 1943). 

  

3. Results and discussion 

3.1. Synthesis and characterization of Fe3O4/MSU-F-C   

Large-pore sized mesoporous carbon, MSU-F-C, was synthesized by a hard template method using 

mesocellular aluminosilicate foam and furfuryl alcohol as silica template and carbon precursor, 

respectively. Two kinds of pores existed in MSU-F-C: large cellular pores (~ 30 nm) originated from 

main pores of silica template and small sized pores (~ 5 nm) generated by the dissolution of the walls of 

template (Lee et al., 2001; Lee et al., 2002). The detailed structure of MSU-F-C and accompanied 

advantages for catalytic reaction will be discussed in next paragraph with material characterization. Fe3O4 

nanoparticles could be easily incorporated in MSU-F-C by simple wet impregnation method and 

subsequent heat treatment in H2/Ar atmosphere. Since part of Fe(III) ions in iron precursor can be reduced 

to Fe(II) ion by π-electrons present on the carbon surface as well as hydrogen gas (Ban et al., 2010; 

Montes-Moran et al., 2004), Fe3O4 nanoparitcles were successfully formed on the surface of MSU-F-C.  

Figures 4.1a and 4.1b show SEM and TEM image of MSU-F-C, respectively. As shown in these images, 

MSU-F-C was composed of several hundred nanometer-sized particles (Figure 4.1a) with well developed 

large-sized pores (~ 30 nm, Figure 4.1b).  
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Figure 4.1. (a) SEM image and (b) TEM image of MSU-F-C. (c) TEM image of Fe3O4/MSU-F-C 

 

This morphology facilitates the diffusion of organic waste materials into the pores as well as 

incorporation of catalyst nanoparticles. TEM image of Fe3O4/MSU-F-C (Figure 4.1c) and energy 

dispersive X-ray spectroscopy (EDS) elemental mapping analysis of C and Fe (See Figure 4.2 in the 

supplementary data) reveal that large amount of Fe3O4 nanoparticles were finely dispersed onto the inner 

pore surface of MSU-F-C without severe pore blockage.  

 

 

Figure 4.2. (a) Cross-sectional TEM image of Fe3O4/MSU-F-C. (b) C, and (c) Fe elemental mapping with 

energy-dispersive X-ray spectroscopy (EDS) correspond to (a) image. Broadly dispersed signal observed in 

right part of (b) is due to carbon on the TEM grid 
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The nitrogen adsorption/desorption isotherms (Figure 4.3a) and the pore size distribution of MSU-F-C 

obtained from the adsorption branch of the isotherms using the BJH (Barrett-Joyner-Halenda) method 

(Figure 4.3b) also indicates the existence of two kinds of ~ 5 nm and ~ 30 nm-sized mesopores, with a 

large surface area (~ 834 m
2
 g

1
, as calculated using the BET method) and pore volume (1.95 cm

3
 g

1
). 

Since Fe3O4 particles, as observed in TEM image (Figure 1c), were larger than the small-sized mesopores 

(~ 5 nm), most of particles were located in the ~ 30 nm-sized mesopores. More rapid decrease of volume 

of large-sized pores (~ 30 nm) than that of small ones (~ 5 nm) also indicates the preference occupation of 

Fe3O4 in main large pores (Figure. 4.3b). Although incorporation of Fe3O4 in MSU-F-C induced distinct 

decrease of surface area (386 m
2
 g

1
) and pore volume (0.59 cm

3
 g

1
), all of above characterization of 

Fe3O4/MSU-F-C reveal that pore structure, morphology and physical properties for facial catalytic 

reaction were still maintained.  

 

 

Figure 4.3. (a) Nitrogen adsorption-desorption isotherms and (b) corresponding pore size distributions of 

MSU-F-C and Fe3O4/MSU-F-C 

 

The XRD pattern of Fe3O4/MSU-F-C is shown in Figure 4.4a. All of the diffraction peaks were well 

indexed to the Fe3O4 crystal structure (JCPDS number: 88-0315), with small and broad diffraction peak 

around 25° due to the amorphous carbon supports. The crystallite size of Fe3O4 calculated from the XRD 

peaks, using Debye-Scherrer equation, was around 15 nm, which was well-matched with the average size 
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of the Fe3O4 particles in the TEM image. The magnetic behaviour of Fe3O4/MSU-F-C was investigated by 

SQUID magnetometer at room temperature. The hysteresis loop of the Fe3O4/MSU-F-C in Figure 4.4b 

shows relatively high magnetic saturation value (~ 32 emu g
1

) and very small remanence (~ 2.5 emu g
1

). 

Thus, it can be easily separated with permanent magnet and re-dispersed into solution quickly without 

severe aggregation.  

 

 

Figure 4.4. (a) XRD pattern of Fe3O4/MSU-F-C. Parentheses indicate the peaks for crystalline Fe3O4 

(JCPDS number: 88-0315). (b) The magnetic hysteresis loop of Fe3O4/MSU-F-C at room temperature (300 K) 

 

The very small remanence may be caused by a small fraction of unexpected large-sized Fe3O4 particles, 

which exhibit weak ferrimagnetic property, though average particle size (~ 15 nm) of Fe3O4 incorporated 

in MSU-F-C was smaller than superparamagnetic critical size (~ 25 nm) (Liu et al., 2004; Yamaura et al., 

2004). To confirm the loading amount of Fe3O4, thermogravimetric analysis (TGA) was carried out up to 

700 
o
C in air atmosphere (Figure 4.5).  
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Figure 4.5. The TGA analysis of Fe3O4/MSU-F-C under air atmosphere at heating rate 10 
o
C min

-1
 

 

After complete combustion of carbon supports, the content of residual reddish products (46.8 wt%) was 

slightly larger than that of Fe3O4 because of the transformation of magnetite to hematite during the 

oxidation process. Therefore, considering this fact, the Fe3O4 content in Fe3O4/MSU-F-C was ~ 45 wt%, 

which was consistent with the expected value. The stepwise weight loss between 350 
o
C and 550 

o
C can 

be attributed to the catalytic combustion of carbon in the vicinity of Fe3O4 nanoparticles (Ennas et al., 

1999) and then complete burn off the remaining carbon, which is also observed in the TGA graph of γ-

Fe2O3 loaded mesoporous carbon (Baikousi et al., 2012)  

 

3.2. Catalytic activity of Fe3O4/MSU-F-C for oxidation of phenol and arsenic 

The potential of Fe3O4/MSU-F-C for the removals of phenol and arsenic was examined in comparison 

with commercial iron oxides, such as magnetite (Fe3O4), hematite (-Fe2O3) and goethite (-FeOOH). In 

order to test the catalytic activity for the Fenton reaction, the time-dependent oxidation of phenol and 

As(III) was monitored in the presence of the catalysts and H2O2 under acidic conditions. The total 

concentration of arsenic (arsenite, As(III) + arsenate, As(V)) in solution was measured during the process 

to monitor the removal of arsenic due to adsorption onto the surface of the catalysts.  

Fe3O4/MSU-F-C exhibited exceptional performance as a Fenton catalyst compared to the other iron 



 

  
59 

 

  

oxides. As shown in Figure 4.6a, Fe3O4/MSU-F-C degraded phenol by approximately 95% in 4 h; 

whereas, the commercial iron oxides showed only 2030% removals during the initial stage mainly 

attributable to adsorption.  

 

Figure 4.6 Oxidation of (a) phenol and (b) arsenic(III) by Fe3O4/MSU-F-C catalyst and commercial iron 

oxides in the presence of H2O2 ([Fe3O4-MSU-F-C]0 = 0.1 g L
-1

 (0.045 g L
-1

 as Fe3O4); [Fe3O4]0 = [-Fe2O3]0 = [-

FeOOH]0 = 0.045 g L
-1

; [H2O2]0 = 10 mM; [Phenol]0 = [As(III)]0 = 0.1 mM; pH0 = 3.0) 

 

In the absence of H2O2, the phenol removal by Fe3O4/MSU-F-C was similar to those by commercial 

iron oxides (Figure 4.7).  
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Figure 4.7. Removal of phenol by iron oxides in the absence of H2O2 ([Fe3O4-MSU-F-C]0 = 0.1 g L
-1

 (0.045 g 

L
-1

 as Fe3O4); [Fe3O4]0 [-Fe2O3]0 = [-FeOOH]0 = 0.045 g L
-1

; [Phenol]0  = 0.1 mM; pH0 = 3.0) 

 

The catalytic oxidation of As(III) into As(V) was also pronounced, with Fe3O4/MSU-F-C showing 2 to 

3-fold higher activity than the commercial iron oxides (Figure 4b). The decrease in the total arsenic 

concentration ([Astot]) due to adsorption was insignificant with only 0.1 g L
1

 of material. In addition, 

Fe3O4/MSU-F-C showed higher activity in oxidation of phenol and As(III) than commercial 

nanoparticulate Fe3O4 (Figure. 4.8), suggesting that the combination of iron oxide with mesoporous 

carbon foam may offer synergistic reaction routes for the catalytic oxidation of target compounds (Also 

see Section 3.3). A pulse radiolysis study (Kläning et al., 1989) have suggested that As(IV) is formed as 

an intermediate during the oxidation of arsenic by 

OH. As(IV) can be converted into As(V) by either 

disproportionation or further oxidation by oxygen.  
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Figure 4.8. Oxidation of phenol and arsenic(III) by Fe3O4/MSU-F-C catalyst and commercial 

nanoparticulate Fe3O4 in the presence of H2O2 ([Fe3O4-MSU-F-C]0 = 0.1 g L
-1

 (0.045 g L
-1

 as Fe3O4); 

[Nanoparticle-Fe3O4]0 = 0.045 g L
-1

 (particle size; < 50 nm); [H2O2]0 = 10 mM; [Phenol]0 = [As(III)]0 = 0.1 mM; 

pH0 = 3.0) 

 

On the other hand, the stability of Fe3O4/MSU-F-C was examined by conducting multiple runs of 

experiments of phenol degradation reusing the catalyst under identical reaction conditions ([Fe3O4-MSU-

F-C]0 = 0.1 g L
1

, [H2O2]0 = 10 mM, [Phenol]0 = 0.1 mM, pH0 = 3.0, reaction time = 4 h). Fe3O4/MSU-F-

C was simply recoverable by a permanent magnet after each run.  

 

3.3. H2O2 utilization efficiency for oxidation of phenol and arsenic 

A notable observation is that the superior catalytic activity of Fe3O4/MSU-F-C was not based on the 

accelerated decomposition of H2O2 (Figure 4.9), indicating that Fe3O4/MSU-F-C may have a higher 

efficiency for converting H2O2 into 

OH compared to commercial iron oxides. Fe3O4/MSU-F-C 

decomposed H2O2 by only 10% (1 mM; similar to commercial iron oxides; Figure 4.9a) when 0.1 mM 

phenol was almost completely removed (Figure 4.6a).  
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Figure 4.9. Decomposition of H2O2 and iron dissolution during the oxidation of (a) phenol and (b) arsenic 

in the presence of iron oxide and H2O2 ([Fe3O4-MSU-F-C]0 = 0.1 g L
-1

 (0.045 g L
-1

 as Fe3O4); [Fe3O4]0 = [-

Fe2O3]0 = [-FeOOH]0 = 0.045 g L
-1

; [H2O2]0 = 10 mM; [Phenol]0 = [As(III)]0 = 0.1 mM; pH0 = 3.0) 

 

Interestingly, this observation is in contrast to the behaviours of contaminant oxidation by iron oxide-

loaded mesoporous silica reported in the previous study (Lim et al., 2006): the degradation rate of 

contaminant increased to the degree that the decomposition of H2O2 was accelerated. From the results in 

Figures 4.6a & 4.9a, the H2O2 utilization efficiency for the phenol removal (i.e., [Phenol] divided by 

[H2O2]) was calculated as approximately 10%, although it is not an optimized value. The high H2O2 

utilization efficiency of Fe3O4/MSU-F-C appears to be attributable to the affinity of contaminants for the 

mesoporous carbon support. The molecules of phenol or arsenic adsorbed on the mesoporous carbon 

foam are retained in close proximity to the active site of iron at which 

OH is generated, increasing the 

chance for the contaminant to be exposed to 

OH. The enhancement in the H2O2 utilization efficiency has 

been also reported with silica-alumina-supported iron oxides (Pham et al., 2009). However, further 

research will be needed to elucidate the detailed mechanism for the high activity of this material as a 

Fenton catalyst.  
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3.4. Effect of dissolved iron 

The processes with heterogeneous Fenton catalysts do not only rely on the reactions that occur on the 

surface of the catalyst, but also on homogeneous reactions in the bulk phase by dissolved iron released 

from the catalyst. The relative importance of the homogeneous reactions depends on the type of catalysts 

and experimental conditions. Several reports have shown that the Fenton reaction by dissolved iron 

species significantly contributes to the oxidation of the target contaminants in the catalytic processes 

using iron oxides (Gulshan et al., 2010; Lan et al., 2008; Li et al., 2007; Pariente et al., 2008). On the 

contrary, a few studies have reported a negligible effect of the homogeneous reactions (Feng et al., 2003; 

Yuranova et al., 2004). In the present work, the concentration of iron eluted from Fe3O4/MSU-F-C was 

approximately 3 M, and separate experiments showed that the oxidation of phenol and arsenic in the 

presence of 3 M Fe(III) and 10 mM H2O2 was negligible (data not shown). In addition, the concentration 

of eluted iron was almost constant regardless of the catalyst used (Figure 4.9), which confirms that the 

superior catalytic activity of Fe3O4/MSU-F-C is not due to homogeneous Fenton reactions by the 

dissolved iron species.  

 

3.5. Removal of arsenic by adsorption 

As the dose of Fe3O4/MSU-F-C was increased, the decrease in the [Astot] became significant due to the 

adsorption of arsenic onto the catalyst surface (Figure 4.10a), simultaneously leading to a decrease in the 

[As(V)] in solution (Figure 4.10b). In the absence of H2O2, a negligible amount of arsenic (mostly As(III)) 

was removed by adsorption (Figure 4.10a), which was consistent with the previous findings that As(III) 

was more mobile than As(V) in soils and would be unlikely to be adsorbed onto the mineral surfaces at 

the mineral-water interface (Manning et al., 2002; Manning & Goldberg, 1997). These observations 

clearly indicated the removal process of arsenic by the Fe3O4/MSU-F-C/H2O2 system proceeded via the 

preoxidation of As(III) into As(V), with the subsequent adsorption of As(V) onto the catalyst. Arsenic 

was also adsorbed onto the commercial iron oxides when the dose was increased (1 g L
1

), but their 

efficiencies were not comparable to that of Fe3O4/MSU-F-C (Figures. 6c and 6d). Although the catalytic 

activity for As(III) oxidation into As(V) was different among the commercial iron oxides (Figure 4.10c), 

their adsorption capacities for total arsenic species were shown similar (Figure 4.10d). 
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Figure 4.10. Removal of total arsenic and oxidation of arsenic(III) by Fe3O4/MSU-F-C (a, b) and 

commercial iron oxides (c, d) in the presence of H2O2 ([Fe3O4-MSU-F-C]0 = 0.1, 0.2, 0.5, 1.0 g L
-1

; [Fe3O4]0 = 

[-Fe2O3]0 = [-FeOOH]0  = 1.0 g L
-1

; [H2O2]0 = 10 mM; [As(III)]0 = 0.1 mM; pH0 = 3.0) 

 

4. Conclusions 

Fe3O4/MSU-F-C showed promise as a versatile material for application to the removal of toxic water 

contaminants, which exhibited strong magnetism as well as superior catalytic activity and adsorptivity. 

Fe3O4/MSU-F-C showed exceptional activity for oxidizing phenol and arsenic compared to commercial 
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iron oxides without significantly accelerating the decomposition of H2O2, which provides a great 

advantage for the utilization of H2O2 in the Fenton system. Arsenic was completely removed in the 

presence of Fe3O4/MSU-F-C and H2O2 by two steps, the oxidation of As(III) into As(V) and the 

subsequent adsorption of As(V) on the catalyst surface.  

 

5. Schematic representation 

 

Scheme 4.1. Schematic representation for removal of arsenic and phenol using Fe3O4/MSU-F-C as a 

catalytic adsorbent 
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Chapter 5. pH-Dependent Reactivity of Oxidants Formed by Copper-

Catalyzed Decomposition of Hydrogen Peroxide 

 

1. Introduction 

Similarly with iron-catalyzed reaction (as mentioned in chapter 2), there has been a debate on the 

reactive oxidant for the copper-catalyzed Fenton-like reaction. Several previous studies have produced 

evidence for and against the formation of 

OH, and cupryl ions (Cu(III), analogous to Fe(IV) in the iron-

catalyzed reaction) have most often been suggested as the alternative oxidant to 

OH (Eberhardt et al., 

1989; Johnson et al., 1988; Johnson et al., 1985). However, little is known about whether solution pH can 

affect the nature of the reactive oxidants formed from the copper-catalyzed system.  

The objectives of the present study were to assess changes in nature of oxidants produced in iron- and 

copper-catalyzed decomposition of H2O2 by employing a comprehensive set of probe compounds under 

similar conditions. For this purpose, a series of experiments were carried out using various probe 

compounds that exhibit different reactivities with 

OH and high-valent metal species. The iron and copper 

catalyzed Fenton (-like) systems were evaluated over 311, and the effect of oxidant scavengers on 

reaction kinetics and product yields were examined.  

 

2. Materials and Methods 

2.1. Reagents  

All chemicals were of reagent grade (Sigma-Aldrich) and were used without further purification, 

except for 2,4-dinitrophenyl hydrazine (DNPH). DNPH was recrystallized three times from acetonitrile 

prior to use. Deionized water (18 MΩ cm Milli-Q water from a Millipore system) was used to prepare all 

solutions. The copper(II) stock solution (10 mM) was prepared from cupric sulfate. As(III) and As(V) 

stock solutions (10 mM) were prepared by dissolving sodium arsenite and sodium arsenate, respectively, 

in 10 mM HCl. H2O2 was used either neat (30 % w/v) or from a 10 mM stock solution. Stock solutions of 

phenol (10 mM), benzoic acid (10 mM), Reactive Black 5 (RB5) (1 mM) were also prepared and stored at 

4 
o
C until use. 
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2.2. Experimental setup and procedure  

All experiments were performed in 125-mL Pyrex flasks (100 mL reaction solution) at room 

temperature (20  2 
o
C). A pH buffer solution was not used for reactions at pH 35. For these 

experiments, initial pH was adjusted using either 1 N HClO4 or 1 N NaOH solution. 1 mM Buffer 

solutions of 2-(N-morpholino)ethanesulfonic acid (MES) and piperazine-N,N’-bis(ethanesulfonic acid) 

(PIPES) were used for reactions at pH 6 and 7, respectively. Borate buffer (1 mM) was used for reactions 

at pH 8–10. The experiments were initiated by adding an aliquot of freshly prepared stock solution of 

H2O2 to a pH-adjusted solution containing the probe compound and the metal ion. Reaction samples were 

withdrawn using a 10-mL glass syringe at predetermined timed intervals, and filtered immediately using a 

0.45-µm nylon syringe filter. At least triplicate runs for each experiment were carried out, the mean 

values and standard deviations of which are presented.  

 

2.3. Oxidation of probe compounds  

Phenol, benzoic acid, methanol, RB5, and As(III) were used as probe compounds to assess the 

reactive oxidants produced. Aromatic compounds such as benzoic acid and phenol are not effectively 

oxidized by Cu(III), whereas methanol, As(III), and RB5 are believed to be more susceptible to oxidation 

by high-valent metal species. The oxidative transformation of the probe compounds (for phenol, benzoic 

acid, and RB5), or the formation of their oxidation products (for benzoic acid, methanol, and As(III)), 

were measured after a certain time of reaction. EDTA were used to quench the reactions within the 

copper-containing reaction vessels, respectively. tert-Butanol and dimethyl sulfoxide (DMSO) were 

tested for their ability to scavenge the reactive oxidants. In all the experiments, copper without H2O2 did 

not lead to significant removal or oxidative transformation of probe compounds. Details regarding the 

selection of probe compounds and their reactivity with reactive oxidants are described elsewhere (Keenan 

& Sedlak, 2008a).  

 

2.4. Analytical methods  

The concentration of formaldehyde was determined using DNPH derivatization, followed by HPLC 

and UV absorbance detection at 350 nm (Zhou & Mopper, 1990b). Phenol, benzoic acid, and p-

hydroxybenzoic acid (i.e., the oxidation product of benzoic acid) were analyzed using HPLC with UV 
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detection at both 255 and 270 nm. Separation was performed on a Dionex - Acclaim C18 column (250  

4.6 mm, 5 m), using both an aqueous solution of 10 mM nitric acid, and neat acetonitrile as the eluents, 

at a flow rate of 1.0 mL min
1

. The concentration of arsenate (As[V], the oxidation product of As(III)) 

was measured spectrophotometrically using the molybdenum blue method (Dhar et al., 2004a). RB5 was 

directly analyzed by measuring visible light absorbance at 597 nm.  

 

3. Results  

3.1. Oxidation of phenol and benzoic acid  

The oxidative removal of phenol and benzoic acid were examined at pH 3 to 11 the Cu(II)/H2O2 

systems (Figures 5.1a and 5.1b). In the Cu(II)/H2O2 system, the oxidation of both phenol and benzoic acid 

exhibited optimal removal at pH values ranging from 5.5 to 6.5. Also, the copper-catalyzed reaction 

removed more than twice as much phenol (75%) as benzoic acid (30%).  

 

Figure 5.1. Oxidative removal of phenol (a) and benzoic acid (b) as a function of pH ([Cu(II)]0 = [Phenol]0 = 

[Benzoic acid]0 = 0.1 mM; [H2O2]0 = 10 mM; [Borate buffer]0 = 1 mM at pH 8-10; Reaction time = 1 h; horizontal 

error bars represent pH variations during the reaction) 
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The production of p-hydroxybenzoic acid (pHBA) from the oxidation of benzoic acid followed a 

similar trend to the removal of benzoic acid in the Cu(II)/H2O2 systems (Figure 5.2). When 

hydroxylamine (a Cu(II) reducing agent) was added in the Cu(II)/H2O2 system, the production of pHBA 

was greatly enhanced with increasing yields with decreasing pH (Figure 5.2b).  

 

Figure 5.2. Production of pHBA in the copper catalyzed systems and the comparison of pHBA production 

([Cu(II)]0 = 0.1 mM; [Benzoic acid]0 = 10 mM; [H2O2]0 = 10 mM; [Hydroxylamine]0 = 5 mM; [PIPES buffer] = 

1mM at pH 7; Reaction time = 1 h) 

 

3.2. Oxidation of methanol  

The oxidation of methanol by Cu(II)/H2O2 systems was examined by measuring its primary oxidation 

product, formaldehyde (HCHO) (Figure 5.3a). The oxidation of methanol exhibited trends that differed 

from those of phenol and benzoic acid. The yield of HCHO in the Cu(II)/H2O2 system increased with 

increasing pH with between 50 and 100 μM produced at pH values above 7. 
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Figure 5.3. Formation of HCHO as a function of pH in the absence (a) and the presence (b) of DMSO as a 

function of pH ([Cu(II)]0 = 0.1 mM; [H2O2]0 = 1 mM; [Methanol]0 = [DMSO]0 = 200 mM; [MES buffer]0 = 1 mM 

at pH 6; [PIPES buffer]0 = 1 mM at pH 7; [Borate buffer]0 = 1 mM at pH 8-10; Reaction time = 1 h; horizontal error 

bars represent pH variations during the reaction) 

 

The production of HCHO from the oxidation of methanol was also quantified in the presence of equal 

concentrations of DMSO (Figure 5.3b). The control experiments performed with DMSO alone did not 

show any significant production of HCHO (Figure 5.4). As is apparent from comparison of Figures 5.3a 

and 5.3b, the introduction of DMSO inhibited HCHO production under acidic pH conditions more than 

under circumneutral or alkaline pH conditions.  
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Figure 5.4. HCHO formation from DMSO as a function of pH ([Cu(II)]0 = 0.1 mM; [H2O2]0 = 1 mM; 

[DMSO]0 = 200 mM; [MES buffer]0 = 1 mM at pH 6; [PIPES buffer]0 = 1 mM at pH 7; [Borate buffer]0 = 1 mM at 

pH 8-10; Reaction time = 1 h) 

 

3.3. Oxidation of RB5 and As(III)  

The Cu(II)/H2O2 system exhibited better RB5 removal under neutral and alkaline conditions, which 

was similar to the trend observed for the oxidation of methanol (Figure 5.5a). In the Cu(II)/H2O2 system, 

the addition of 100 mM tert-butanol lowered the removal of RB5 by less than 20% under neutral and 

alkaline conditions.  

For experiments involving As(III) oxidation (Figure 5.5b), a much lower concentration of H2O2 (0.2 

mM) was used because As(III) is directly oxidized by H2O2, particularly under alkaline conditions. The 

Cu(II)/H2O2 system was not effective in oxidizing As(III) under any of the employed conditions possibly 

due to less production of oxidants with a lower concentration of H2O2 (The Cu(II)/H2O2 system is slower 

than the Fe(III)/H2O2 system.). Under alkaline conditions where the Cu(II)/H2O2 reaction is fast enough, 

the produced oxidants appear to have low reactivity toward As(III).  
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Figure 5.5. Oxidative removal of RB5 (a) and oxidation of As(III) into As(V) (b) as a function of pH ((a): 

[Cu(II)]0 = 0.1 mM; [H2O2]0 = 10 mM;  [RB5]0 = 0.01 mM ; [tert-Butanol]0 = 100 mM; Reaction time = 1 h; (b): 

[Cu(II)]0 = [As(III)]0 = 0.1 mM; [H2O2]0 = 0.2 mM; [tert-Butanol]0 = 100 mM; Reaction time = 1 h; horizontal error 

bars represent pH variations during the reaction) 
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4. Discussion 

4.1. Evidence for the pH-dependent shift in the reaction mechanism 

The effects of 

OH scavengers are additional evidence for the production of alternative oxidants. The 

complete prevention of removal of phenol and benzoic acid by the addition of excess tert-butanol (Figure 

5.6) implies that a stronger oxidant, likely 

OH is mainly responsible for the oxidation of these 

compounds.  

 

Figure 5.6. Removal of phenol (a) and benzoic acid (b) in the presence tert-butanol as a function of pH 

([Cu(II)]0 = [Phenol]0 = [Benzoic acid]0 = 0.1 mM; [H2O2]0 = 10 mM; [tert-Butanol]0 = 100 mM; [Borate buffer]0 = 

1 mM at pH 8-10; Reaction time = 1 h) 

 

Different trends for the various compounds were also exhibited by the copper-catalyzed Fenton-like 

system. In the Cu(II)/H2O2 system, the oxidation of phenol and benzoic acid was maximized at around pH 

5.56.5 (Figures 5.1a and 5.1b), whereas the oxidation of methanol and RB5 proceeded over a broad 

range of acidic, neutral and alkaline conditions (Figures 5.3a and 5.5a). The low oxidation efficiency of 

the compounds under acidic conditions is attributed to the slower kinetics of the reduction of Cu(II) into 

Cu(I) by H2O2: indeed when 5 mM hydroxylamine was added as the Cu(II)-reducing agent, benzoic acid 
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was completely oxidized under such acidic conditions (data not shown). The catalytic decomposition of 

H2O2 by Cu(II) is accelerated as pH increases (Figure 5.7) as the deprotonated form of H2O2 (HO2

, pKa 

of H2O2 = 11.6) is the major electron-donor responsible for the reduction of Cu(II).  

 

Figure 5.7. Decomposition of H2O2 by Cu(II) as a function of pH ([Cu(II)]0 = 0.01 mM; [H2O2]0 = 1 mM; 

[Phosphate buffer]0 = 1 mM at pH 6, 7; [Borate buffer]0 = 1 mM at pH 8-10; Reaction time = 1 h) 

 

The enhanced decomposition of H2O2 under alkaline conditions may lead to the increase in the 

production of reactive oxidants, which to some extent explains the trends of methanol and RB5 oxidation. 

However, the oxidants formed under alkaline conditions, do not appear to be effective in oxidizing phenol 

and benzoic acid (Figures 5.1a and 5.1b), indicating that the predominant oxidant at the high pH values is 

not 

OH. The partial hydroxylation of benzoic acid was detected in the pH region where the removal of 

benzoic acid was pronounced in the Cu(II)/H2O2 system (Figure 5.2b), suggesting the involvement of 

OH 

in the oxidation of benzoic acid. When the Cu(II)/H2O2 system was kinetically activated by the addition 

of hydroxylamine, the hydroxylation of benzoic acid was greatly enhanced, with higher yields at lower 
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pH values (Figure 5.2b) indicating that acidic conditions favor the production of 

OH in the Cu(II)/H2O2 

system, as in the iron-catalyzed systems. In addition, in the Cu(II)/H2O2 system, the pH-dependent 

inhibitory effect of tert-butanol on RB5 oxidation (below and above pH 5) was shown even when using 

the filtered solution of Cu(II) (Figure 5.8).  

 

Figure 5.8. Removal of RB5 by filterable Cu(II)/H2O2 system as a function of pH in the presence and 

absence of tert-butanol ([Cu(II)]0 = 0.1 mM; [H2O2]0 = 10 mM; [tert-Butanol]0 = 100 mM; [RB5]0 = 0.01 mM; 

Reaction time = 1h) 

 

4.2. Nature of alternative oxidants produced by the Fenton-type reactions 

 The alternative oxidants produced under circumneutral and alkaline conditions are likely high-valent 

copper species (i.e., Cu(III)).  

There may be more than one species of Cu(III) formed by the Fenton (-like) reactions. For example, 

metal-oxo (e.g., Cu=O
+
) and metal-hydroxo complexes (e.g., Cu(OH)2

+
) are possible species. However, 
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DMSO (an oxygen acceptor from the metal-oxo complexes) failed to quench the methanol oxidation 

reaction under neutral and alkaline conditions (Compare Figures 5.3a and 5.3b), excluding the possibility 

of the formation of metal-oxo complexes in the systems; the second order rate constants for the reaction 

of metal-oxo complexes with methanol and DMSO are reportedly 5.72 х 10
2
 and 1.26 х 10

5
 M

1
 s

1
, 

respectively (Pestovsky & Bakac, 2006a; Pestovsky & Bakac, 2004; Pestovsky & Bakac, 2006b).  

Therefore, it is possible that the hydroxo complexes may be the primary forms of high-valent metal 

complexes produced by the Fenton (-like) reactions (reactions 1). 

 

Cu
+
 + H2O2  →  Cu(OH)2

+
                                                                               (1) 

 

As previously mentioned, the different behaviors in the oxidation of methanol versus RB5 (or As(III)) 

suggest that the oxidants under alkaline conditions are different from those produced under neutral 

conditions, which could be due to pH-dependent speciation of the metal-hydroxo species. The oxidation 

power of metal-hydroxo species typically decreases with increasing concentrations of hydroxo ligand, 

which serves as an electron donor (Bard et al., 1985). It is possible that RB5 and As(III) are more 

vulnerable than methanol to oxidation by the Cu(III)-hydroxo complexes occurring under alkaline 

conditions. However, to produce critical evidence for the presence of these complexes further study is 

needed. 

 

5. Conclusions 

The observations from this study provide new evidence that oxidants other than, and more selective 

than 

OH are produced by the copper-catalyzed Fenton (-like) reactions, and that they are mostly favored 

under neutral and alkaline conditions. The oxidants produced at neutral and alkaline pH values appear to 

be high-valent metal complexes of copper. They are suggested to be the forms of Cu(III)-hydroxo 

complexes. When the Fenton (-like) systems are applied to water treatment processes under circumneutral 

conditions, they can exhibit a higher efficiency than the 

OH-based oxidation processes in transforming a 

specific group of contaminants. These selective oxidants may avoid undesired reactions with water 

constituents, such as natural organic matter. The Fenton (-like) systems may also be useful in disinfection. 

Selective oxidants, such as Cu(III), should be more stable than 

OH in natural water, allowing greater 
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exposure to microorganisms. They are also expected to produce less toxic byproducts compared to 

chlorine-based disinfectants.  

 

6. Schematic representation 

 

Scheme 5.1. Schematic representation for reactive oxidants produced by the copper-catalyzed Fenton (-

like) reactions as a function of pH 
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Appendix 

 

1. Analysis of organic compounds by HPLC-DAD 

 

Agilent - Eclipse XDB-C18 column (150 mm*4.6 mm, 5 ㎛) 

 

 

 Phenol 4-Chlorophenol Benzoic acid HCHO 

Flow 1.0 mL/min 1.5 mL/min 1.0 mL/min 1.0 mL/min 

Eluent 

0.1 % phosphoric 

acid:  50% 

Acetonitrile: 50% 

0.1 % phosphoric 

acid:  60% 

Acetonitrile: 40% 

0.1 % phosphoric 

acid:  50% 

Acetonitrile: 50% 

0.1 % phosphoric 

acid:  50% 

Acetonitrile: 50% 

Run time 3.5 Min 4.0  Min 4.0  Min 6.0  Min 

Detection λ 277 nm 230 nm 254 nm 350 nm 

Injection 

Volume 
50 uL 50 uL 50 uL 50 uL 

 4-HBA FFA Nitrobenzene Bisphenol A 

Flow 1.0 mL/min 1.0 mL/min 1.0 mL/min 1.0 mL/min 

Eluent 

0.1 % phosphoric 

acid:  80% 

Acetonitrile: 20% 

0.1 % phosphoric 

acid:  80% 

Methanol:  20% 

0.1 % phosphoric 

acid:  40% 

Methanol:  60% 

0.1 % phosphoric 

acid:  55% 

Acetonitrile: 45% 

Run time 10.0 Min 5.0  Min 5.0  Min 7.0  Min 

Detection λ 270 nm 220 nm 275 nm 230 nm 

Injection 

Volume 
50 uL 50 uL 50 uL 50 uL 
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 4-Nitrobenzoic acid Coumarin 7-Hydroxycoumarin 24,6-Trichlorophenol 

Flow 1.0 mL/min 1.0 mL/min 1.0 mL/min 1.0 mL/min 

Eluent 

0.1 % phosphoric 

acid:  40% 

Methanol:  60% 

0.1 % phosphoric 

acid:  60% 

Acetonitrile: 40% 

0.1 % phosphoric 

acid:  60% 

Acetonitrile: 40% 

0.1 % phosphoric 

acid:  40% 

Acetonitrile: 60% 

Run time 3.5 Min 5.0  Min 5.0  Min 6.0  Min 

Detection λ 275 nm 320 nm 320 nm 230 nm 

Injection 

Volume 
50 uL 50 uL 50 uL 50 uL 

 Acetaminophen Carbamazepine Propranolol Caffeine 

Flow 1.5 mL/min 1.0 mL/min 1.0 mL/min 1.0 mL/min 

Eluent 

0.1 % phosphoric 

acid:  90% 

Acetonitrile: 10% 

0.1 % phosphoric 

acid: 60% 

Acetonitrile: 30% 

Methanol:  10% 

0.1 % phosphoric 

acid:  70% 

Methanol:  30% 

0.1 % phosphoric 

acid:  85% 

Acetonitrile: 15% 

Run time 3.0 Min 5.0  Min 4.5  Min 4.0  Min 

Detection λ 241 nm 215 nm 285 nm 270 nm 

Injection 

Volume 
50 uL 50 uL 50 uL 50 uL 
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Appendix 

 

2. Synthesis of solid phase nZVI and liquid phase nZVI 

 

 

Chemical 

reagents 

- FeSO4‧7H2O  

- NaBH4 

- D‧I Water (N2 Purge during 15-20min) 

- Acetone [(CH3)2CO] 

- Aqua regia [HNO3: HCl (1:3)] 

- HNO3 

 

 

 

Synthesis 

procedure 

Steps of nZVI synthesis Liquid phase nZVI Solid phase nZVI 

 

1) Take 50mL nZVI at flask 

2) wash 3 times using 10mL D‧I Water 

(N2 Purge during 15-20min) 

3) make 10mL nZVI stock solution in D‧I 

Water  

(N2 Purge during 15-20min) 

4) Final nZVI stock solution 

- 55mM FeTotal/ 10mL D‧I Water  

1) use nZVI of flask 

2) wash 3 times using acetone  

3) dry at the room temperature  

 

 

 

 

FeTotal conc. 

of 

liquid phase 

nZVI 

Total iron concentration of liquid phase nZVI 

※ Make 4mL Aqua regia or 1mL HNO3 

※ Set 5 vials(Sample: 4 + Blank: 1) 

※ Plot the result (concentration of Fe vs absorbance) 

※ Molar absorptivity 

ε510 = 11050 M
-1

 cm
-1 

(Tamura et al., 1974) 
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Appendix 

 

3. Analysis methods of iron concentration (Total iron) 

Colorimetric measurement of dissolved iron with 1,10-phenanthroline 

 

 

 

Chemical Reagents 

- ammonium acetate(CH3COONH4) 

- acetic acid 

- sodium acetate 

- 1,10-phenanthroline 

- HCl(37%) 

- FeSO4‧7H2O (MW: 278.02) 

- hydroxylamine 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Procedure 

 

 

 

 

1 

[ Preparation: 1,10-phenanthroline ] 

① 25g ammonium acetate(CH3COONH4) + 15mL water + 70mL acetic acid 

② 2.5g sodium acetate + 10mL water 

③ 0.2g 1,10-phenanthroline + 200mL water 

④ 10mL HCl(37%) 

Mix ①②③④ 

* keep in the dark  

2 Hydroxylamine Sol. : 1 g hydroxylamine + 10 ml water 

3 1:1 water : HCl (37%) Sol. 

 

4 

[Fe(II) stock solution (10mM, 100mL)] 

FeSO4‧7H2O (MW 278.02) ⇒ 0.2780g/100mL 

 

 

 

 

 

 

5 

[Dilution] 

1 Set 4 vial of DI water.  

2 Remove 0.1mL of vial 1. 

3 Put 0.1mL of Fe(II) stock solution in vial 1. (vial 1 : 0.1mM) 

4 Take 5mL of vial 1 and Put it in vial 2. (vial 2 : 0.05mM) 

5 Take 5mL of vial 2 and Put it in vial 3. (vial 3 : 0.025mM) 

6 Take 5mL of vial 3 and Put it in vial 4. (vial 4 : 0.0125mM) 

* Max. conc. of Fe(II) solution ≤ 0.1mM 

∵ ε = 10500 M-1 cm-1 

A = εbc = 10500 M-1 cm-1 x 1 cm x 10-4 M = 1 

 

 

 

6 

[Preparation for calibration] 

⇒ Set 5 vials. 

⇒ Take 1mL from each the vials(1,2,3,4)  And Take 1mL of DI water( vial 5) 

⇒ Add 2mL of 1,10-phenanthrolin solution each vials 

⇒ Add 12.5uL of Hydroxylamine Sol. 

⇒ Add 12.5uL of 1:1 water : HCl (37%) Sol. 

 

 

Calculation  

※ Set 5 vials(Sample: 4 + Blank: 1) 

※ Plot the result (concentration of Fe vs absorbance) 

※ Molar absorptivity 

ε510 = 11050 M-1 cm-1 (Tamura et al., 1974) 
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4. Analysis methods of copper concentration 

DMP (neocuproine) Method 

 

 

Chemical Reagents 

- DMP(neocuproine) 

- copper sulfate 

- ethanol  

- Na2HPO4 

- NaH2PO4  

 

 

 

 

 

 

 

Procedure 

[ 10mM Cu
2+ 

(copper sulfate)
 
] 

 

A. 1 g DMP(neocuproine) in 100 ml ethanol (10g/L in ethanol) 

 

B. Hydroxylamine Sol. : 1 ml hydroxylamine + 10 ml water 

 

C. 0.1 M phosphate buffer + 0.1M Sodium citrate 

0.5L of 1M Na2HPO4 at 141.96g mol
-1

 = 70.98g 

0.5L of 1M NaH2PO4 at 119.98g mol
-1

 = 59.99g 

 

[Preparation of 0.1 M phosphate buffer at 25°C] 

pH 
Volume of 1M Na2HPO4 

(mL) 
Volume of 1M NaH2PO4 (mL) 

7.0 61.5 38.5 

 

Sample 1 ml + A 1 ml + B 1ml + C 1ml  + DI water 6 ml to make 10 ml total 

Detection λ: 454 nm 

 

 

 

Calculation 

※ Set 5 vials(Sample: 4 + Blank: 1) 

1 mM, 0.5 mM, 0.25 mM, 0.125 mM 

※ Plot the result (concentration of Copper vs absorbance) 

※ Molar absorptivity 

ε454 = 7650 M
-1

 cm
-1 

(Amir Besada, 1998) 
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5. Analysis methods of arsenic concentration 

Molybdate-based method (Detection limit: 0.27 uM) 

 

 

 

Chemical Reagents 

- NaAs02 

- Na2HAs04*7H20 

- C8H806 

- (NH4)6M07024* 4H20 

- C8H4K2O12Sb2‧3H2O 

- H2S04 

 

 

 

 

 

 

 

 

 

 

Procedure 

[10 mM Arsenite (As(II1)) Stock Solution(NaAs02)] 

- 0.1300g/ 100mL(0.01M HC1=0.081mL/100mL)  

[10 mM Arsenate(As(V)) Stock Solution (Na2HAs04*7H20)] 

- 0.312g / 100mL(0.01M HC1=0.081mL/100mL)  

[Oxidizing Reagent_10mM potassium periodate(KI04)]- Total As 

- 0.230g / 100mL 

[Reducing Reagent]- Phosphate 

-(2) 14% Na2S2O5 (736 mmol/L) 

-(2) 1.4% Na2S2O3 (89 mmol/L ) 

-(1) 10% H2SO4 (1.8 mol/L).  

[Acidifying Reagent_ HC1] 

- 13.2mL / 250mL 

[Coloring Reagent for [As(V)] Measurement]  

(A 2ml)+(B 2 ml)+(C 1 ml)+(D 5ml) 

A. 613mM Ascorbic acid solution(C8H806) 

- 10.80g/100mL DI 

B. 24mM ammonium molybdate solution((NH4)6M07024* 4H20) 

- 2.97g/100mL DI 

C. 16 mM Potassium antimonyl tartrate trihydrate (APT) solution (C8H4K2O12Sb2‧3H2O) 

- 0.534g/50mL DI 

D. 2.5 M sulfuric acid (H2S04) solution(95.8%) 

- 35mL/250mL DI 

 

Detection λ: 880 nm 

 

 

 

Calculation 

※ Set 5 vials(Sample: 4 + Blank: 1) 

0.0125 mM, 0.025 mM, 0.05 mM, 0.1 mM 

[As5+]: Acidifying Reagent: 0.2mL + Sam.: 2.0mL + DI: 1.6 mL + Coloring Reagent: 0.2mL (follow the 

step) 

[AsTotal]: Sam.: 2.0mL + Oxidizing Reagent: 0.2mL + Acidifying Reagent: 0.2mL  

⇒ Reaction time: 30min 

+ Coloring Reagent: 0.2mL + DI: 0.4 mL 

※ Plot the result (concentration of AS vs absorbance) 
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Appendix 

 

5. Analysis methods of hydrogen peroxide concentration 

Titanium sulfate Method 

 

 

 

Conc. of H2O2 

Regeant 

Direct absorption method 

※ Dillution times: 1/1600, 1/800, 1/400, 1/200 

※ Molar absorptivity 

ε240 = 40 M
-1

 cm
-1 

(Bader. et. al., 1988) 

ε254 = 19.6 M
-1

 cm
-1 

 

 

 

Chemical Reagents 

- H2O2 

- 24% Ti(SO4)2  

- H2SO4  

 

 

 

 

 

 

Procedure 

 

 

 

 

A 

24% Ti(SO4)2 : 26.7ml + H2SO4: 166.7ml 

⇓ 

1000ml(Total Volume) 

24% Ti(SO4)2: 13.4ml + H2SO4: 83.4ml 

⇓ 

500ml(Total Volume) 

24% Ti(SO4)2: 6.7ml + H2SO4: 41.7ml 

⇓ 

250ml(Total Volume) 

Sample: 1ml + (A) solution: 2ml 

Detection λ: 405 nm 

 

 

 

Calculation 

※ Set 5 vials (Sample: 4 + Blank: 1) 

2 mM, 1 mM, 0.5 mM, 0.25 mM 

※ Plot the result (concentration of H2O2 vs absorbance) 

※ Molar absorptivity 

ε405 = 730 M
-1

 cm
-1

 ( Eisenberg, 1943) 
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