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Résumé 

 

Cette thèse avait pour but d’étudier les phénomènes physico-chimiques se 
produisant à l’interface solide minéral/solution en présence d’un oxydant et d’un 
polluant organique. L’apport du fer comme catalyseur pour l’oxydation du polluant était 
évalué en sélectionnant deux types d’oxydes mixtes (FeII, FeIII) de fer. Il s’agit 
d’interactions solide/polluant, oxydant/solide et oxydant/polluant dont les mécanismes 
réactionnels sont loin d’être compris. Les mécanismes d’oxydoréduction des composés 
organiques dans la phase aqueuse en contact avec ces minéraux sont fortement 
influencés par leurs propriétés de surface, leur réactivité vis-à-vis des polluants et la 
nature des oxydants utilisés. En effet, les phénomènes se produisant à l’interface 
minéral/solution pourraient avoir un impact significatif d’une part sur l’efficacité de 
l’oxydation et d’autre part sur la stabilité du système solide. Des caractérisations 
spectroscopiques couplées à des analyses chimiques ont permis à la fois de décrire les 
mécanismes d’oxydoréduction à l’interface solide/liquide et de suivre l’efficacité de 
l’oxydation ainsi que l’évolution structurale du solide. L’influence de l’oxydation sur la 
nature minéralogique du solide a été abordée. De même, l’effet de la présence des agents 
chélatants agissant comme pièges des radicaux hydroxyles libres (•OH) sur la 
performance de l’oxydation a été également étudié. 

Les résultats présentés dans ce manuscrit contribuent à la bonne compréhension des 
mécanismes se produisant à l’interface oxyde/solution lors de l’oxydation par Fenton 
modifiée. Ce travail a permis de mettre en évidence les paramètres optimums durant la 
dégradation d’un polluant organique comme le pentachlorophénol (PCP) dans le 
système magnétite/H2O2. De plus, les facteurs influençant le contact oxydant-polluant 
en comparant deux polluants (RhodamineB et Pentachlorophénol) et deux types 
d’oxydes mixtes de fer ont été déterminés. Parmi ces facteurs, on peut citer 
l’hydrophobicité, l’équilibre acido-basique et l’adsorptivité de la molécule, et le contenu 
en FeII, surface spécifique, minéralogie et propriétés de surface du solide. Il s’agit alors 
d’une étape significative dans l’évaluation et le suivi de la réaction d’oxydation des 
polluants organiques dans les sols et les eaux contaminés. L’utilisation de ces données 
expérimentales a permis une bonne description de la réactivité intrinsèque des oxydes de 
fer et aussi une optimisation de la réaction d’oxydation.  

L’utilisation d’un agent complexant fort du fer comme l’EDTA conduit à de 
meilleurs résultats en phase homogène à pH7. Cependant, l’utilisation de l’oxalate 
comme les cyclodextrines devient plus intéressante en phase hétérogène. Ces résultats 
mettent en évidence le rôle important des interactions physico-chimiques à l’interface 
catalyseur solide/solution dans la détermination de la performance de la réaction 
d’oxydation du Fenton hétérogène.   



 

 I 

 

Abstract 

 

As an advanced oxidation processe, Fenton reaction (Fenton reagent: (Fe2+/H2O2)) 

is one of the most powerful oxidation used world around, which has been proved to be 

a promising and attractive treatment method for the degradation of a large number of 

hazardous and organic pollutant. Fenton process can generate free hydroxyl radical 

(HO•), a strong oxidant capable of reacting with practically all types of organic and 

inorganic compounds. However, the classic Fenton reaction has some disadvantages 

such as the Fe(III)-iron sludge was produced during the reaction and the solution 

needed acidification before carrying out the reaction. To overcome these drawbacks, 

many researchers focused on using modified Fenton system, the so called Fenton-like 

system. In this research, iron solid mineral was used instead of soluble iron and it 

offers significant advantages in separation. Since in this case, the catalyst can be easily 

recovered by sedimentation or filtration and be further used. 

Iron is the most abundant transition metal in natural environment. It widely exists 

in soil, fresh waters, ocean and atmosphere as a kind of mineral on surface of the Earth. 

Different kinds of iron oxides, such as goethite, hematite, magnetite, and ferrihydrite, 

are among the most ubiquitous forms of iron species under environmental relative 

conditions (pH 4-9). In this thesis, two kinds of mixed iron (II, III) oxides were chosen, 

which have different FeII/FeIII ratio, special surface area (SSA), mean particle diameter, 

site density and so on. Two kinds of model pollutant (pentachlorophenol (PCP) and 

Rhodamine B (RhB)) which are widely used chemicals all over the world were 

selecetd. They are toxic, persistant, very resistant to biodegradation and considered as 

priority organic pollutant by USEPA.  

Firstly, PCP was chosen as a model pollutant, to investigate the oxidation of PCP 

on the surface of magnetite used as heterogeneous catalyst. Oxidation experiments 

were carried out under various experimental conditions at neutral pH and correlated 

with the adsorption behavior. The surface reactivity of magnetite was evaluated by 
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conducting the kinetic study of both H2O2 decomposition and PCP oxidation 

experiments. The occurrence of the optimum values of H2O2 and magnetite 

concentrations for the effective degradation of PCP could be explained by the 

scavenging reactions with H2O2 or iron oxide surface. All batch experiments indicate 

that Fenton-like oxidation of PCP was controlled by surface mechanism reaction and 

the species compete with each other for adsorption on a fixed number of surface active 

sites. The apparent degradation rate was dominated by the rate of intrinsic chemical 

reactions on the oxide surface rather than the rate of mass transfer. Raman analysis 

suggested that the sorbed PCP was removed from magnetite surface at the first stage of 

oxidation reaction. All X-ray powder diffraction (XRD), X-ray photoelectron 

spectroscopy (XPS), Mössbauer spectroscopy and chemical analyses showed that the 

magnetite catalyst exhibited low iron leaching, good structural stability and no loss of 

performance in second reaction cycle. 

 

Secondly, Rhodamine B (RhB) was chosen as a model compound pollutant. Two 

types of iron (II, III) oxides were used as heterogeneous catalysts and characterized by 

XRD, Mössbauer spectroscopy, BET surface area, particle size and chemical analyses. 

The catalytic efficiency of iron (II, III) oxide to promote Fenton-like reaction was 

examined at neutral pH. The adsorption to the catalyst changed significantly with the 

pH value and the sorption isotherm was fitted using the Langmuir model for both 

solids. Both sorption and FTIR results indicated that surface complexation reaction 

may take place in the system. The variation of oxidation efficiency against H2O2 

dosage and amount of exposed surface area per unit volume was evaluated and 

correlated with the adsorption behavior in the absence of oxidant. There is also an 

optimum amount of H2O2 value for the degradation of RhB. The phenomena could 

also be explained by the scavenging effect of hydroxyl radical by H2O2 or by iron oxide 

surface (like the oxidation of PCP). Sorption and decolourization rate of RhB as well 

as H2O2 decomposition rate were found to be depended on the surface characteristics 

of iron oxide. The kinetic oxidation experiments showed that structural FeII content 

strongly affect the reactivity towards H2O2 decomposition and therefore RhB 
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decolourization. The site density and sorption ability of RhB on surface may also 

influence the oxidation performance in iron oxide/H2O2 system. The iron (II, III) 

oxides catalysts exhibited low iron leaching, good structural stability and no loss of 

performance in second reaction cycle. The sorption on the surface of iron oxide with 

catalytic oxidation using hydrogen peroxide would be an effective oxidation process 

for the contaminants.   

 

Finally, the effect of chelating agent on the heterogeneous Fenton reaction rate of 

pentachlorophenol in the presence of magnetite was investigated. Six kinds of 

chelating agents including oxalate, EDTA, CMCD, tartarate, citrate and succinate were 

chosen. The PCP oxidation rate in this system was significantly improved by using 

chelating agents at neutral pH. The kinetic rate constant was increased by 5.7, 4, 3.2, 

2.4, 2.5 and 1.7 times with oxalate, EDTA, CMCD, tartarate, citrate and succinate, 

respectively. The enhancement factor of heterogeneous oxidation rate was found to be 

not correlated with that of dissolved iron dissolution amount. In homogeneous Fenton 

system (dissolved Fe2+ or Fe3+), EDTA-driven reaction showed the highest oxidation 

rate, while oxalate seems to be more efficiency in heterogeneous Fenton system 

(Fe3O4). This observation could be explained by the inactivation of iron surface sites 

which become unavailable for the interactions with H2O2 to initiate Fenton-like 

reactions. Indeed, EDTA can bind more strongly than oxalate to magnetite surface and 

compete more actively with H2O2 or PCP for the sorption on the surface active sites. 

These results demonstrated that the chelating agent-promoted dissolution of magnetite 

did not play the key role in determining the efficiency of heterogeneous Fenton 

oxidation. The surface interactions of oxidant with the catalyst surface appear to be the 

rate-determining step in heterogeneous Fenton system, rather than the iron oxide 

dissolution rate. 
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CHAPTER 1. INTRODUCTION  

 

1.1  Background 

 

The widespread presence of persistent organic chemicals in wastewater effluents from 

industries or even normal households is a serious environmental problem. 

Contamination of soil and groundwater by these organic chemicals imposes significant 

threats on water resources and public health. Some types of pollutants in water and soil 

are complex organic molecules which are often difficult to degrade, such as some 

phenolic compounds, dyes and so on. As a consequence, there is an increasing social 

pressure towards a sustainable use of water and a renewed interest in improving 

existing technologies for water treatment [Centi and Perathoner et al., 2001]. 

 

Many physical, chemical, and biophysical processes have been studied for their ability 

to destroy these organic pollutants. The conventional wastewater treatment 

technologies for these toxic substances include biological treatment processes, 

chemical coagulation processes, adsorption by activated carbon, and the chemical 

processes. However, many kinds of serious toxic pollutants such as chlorophenol 

(monochlorophenol, trichlorophenol, p-chlorophenol, pentachlorophenol), are resistant 

to the biological treatment and the degradation ratio was very slow. Adsorption 

processes just transfer the form of the pollutant from water to solid, and the further 

treatment is needed.  

 

Chemical oxidation is a powerful method for the remediation of wastewater and 

contaminated groundwater. The Chemical oxidants most commonly employed to date 

include peroxide, ozone, and permanganate. These oxidants have been able to cause 

the rapid and complete chemical destruction of many toxic organic chemicals. In these 
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decades, in order to treat the resistant, toxic, and poorly biodegradable pollutants 

efficiently, a so called advanced oxidation processes (AOPs) was investigated and 

applied [Mijangos et al., 2006]. AOPs have been defined as those oxidation treatment 

based on the reaction of hydroxyl radical in an aqeous solution, it is a powerful and 

extremely reactive oxidant agent that can destroy organic pollutants efficiently 

[Mijangos et al., 2006; Esplugas et al., 2002; Santos et al., 2002; Sedlak, et al., 1991; 

Potter, et al., 1993; Neyens et al., 2003; Chamarro et al., 2001].  

 

   Fenton reaction (Fenton reagent: (Fe2+/H2O2) as one of the AOPs [Duarte et al., 

2009; Chiron et al., 2000, Neyens and Baeyens, 2002; Perez et al., 2002; Will et al., 

2004], is one of the most powerful oxidation used world around, has been proved to be 

a promising and attractive treatment method for the degradation of a large number of 

hazardous and organic pollutant [Oliveira et al., 2006; Pera-Titus et al., 2003; Lin et al., 

2000; Ormad et al., 2001; Sabhi et al., 2001]. These processes can generate free 

hydroxyl radical (HO•), a strong oxidant capable of reacting with practically all types 

of organic and inorganic compounds [Oliveira et al., 2006; Pera-Titus et al., 2003; 

Hurling et al., 2000; Sun et al., 1993]. Fenton’s reagent in the destruction of organic 

compounds is limited by the slurry system because it produces a significant amount of 

Fe(III)-iron sludge, which requires further separation and disposal [Hsueh et al., 2005], 

and also is less appropriate since it leads to high metal (iron or other transition metal) 

concentrations in the final effluent [Duarte et al. 2009]. So during these years, many 

researchers focused on the using of modified Fenton system the so called Fenton-like 

system to treat the organic pollutant. In some research, iron solid mineral was used 

instead of soluble iron and it offers significant advantages in separation since in this 

case, the catalyst can be easily recovered by sedimentation or filtration and further 

used. [Mecozzi et al., 2006], and also the reaction could be carried out at neutral pH 

without acidified the solution before the reaction.  
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Chlorophenols have been used in numerous applications which produce industrial 

wastewaters that, like landfill leachates, contaminate the surrounding soil and water 

courses, affecting public health [Oliveira et al., 2006; Gupta et al., 2002; Aksu and 

Yener, 2001; Pera-Titus et al., 2003; Henke, 2002; Valenzuela et al, 1997]. Dye is the 

one of the most common toxic pollutant in the natural environment over the world. 

Dye and dye intermediate manufacturing industries, textile units, are typical industries 

that dump toxic organic compounds to the nearer water courses, thus making the water 

polluted [Ramirez et al., 2007a; Kabita et al., 2001]. Two types of pollutants were 

chosen as model pollutants in this research. They are one kind of chlorophenol and one 

kind of dye which named pentachlorophenol (PCP) and Rhodamine B (RhB) 

respectively. Each of them is widely used chemicals all over the world, toxic, resistant 

to biodegradation and till now there were not too much research focused on using 

Fenton-like system to remove this two type of pollutants in the aqueous.  

 

1.2 Research goals and objectives 

 

The objective of this research was to investigate a heterogeneous Fenton-like reaction 

to oxidize model pollutant under using of different kinds of iron (II,III) oxides which 

have different FeII/FeIII ratio, special surface area (SSA), mean particle diameter, Site 

Density and so on. We determined which is the suitable condition and investigated 

some important factors in the Fenton-like system, to gain insight into the 

heterogeneous Fenton reaction, to get more information about the mechanism. And 

also we chose some types of chelating agents in the system to improve the oxidation, 

and investigated some parameters to see the best oxidation condition; this can help us 

to know more deeply about the heterogeneous Fenton reaction. To meet these goals the 

following specific objectives were defined: 
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1. Compare different iron oxides in oxidizing the model pollutants to determine the 

oxidation efficiency. 

2. Conduct batch experiments to elucidate the role that adsorption of pollutant on the 

surface of iron oxides could affect the oxidation efficiency of the heterogeneous 

Fenton-like reaction, and to investigate the mechanism of the heterogeneous 

Fenton-like reaction. 

3. Choose groups of chelating agents to see the key role that which affect the oxidation 

efficiency, whether it was the total dissolved iron in the solution or the sorption and 

surface reaction happened on the surface of iron oxides.  

 

1.3 Organization of thesis 

 

This dissertation is divided into five chapters. Chapter 1 is an introduction which 

included background, research goals and objectives, and organization of thesis.  

 

Chapter 2 collected the related literatures presents a review of related research work 

about this study. These literatures included four parts: 

2.1. Advanced oxidation progresses (AOPs) 

2.2. Fenton Reaction 

2.3. Heterogeneous Fenton-like Reaction 

2.4. Model pollutant 

 

Chapter 3 is experimental materials and methods, it investigated the material and 

analytic methods used in this research and some of the experimental methods and 

procedure were also included.  

 

Chapter 4 is the result and discussion of all the batch of experiments. The first part of 

the chapter 4 was named Adsorption and oxidation of PCP on the surface of magnetite: 

Kinetic experiments and spectroscopic investigations. In the study, the oxidation of 
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PCP on the surface of magnetite used as heterogeneous catalyst has been investigated 

under various experimental conditions (initial substrate concentration, H2O2 dose, 

solid loading and temperature) at neutral pH and correlated with the adsorption 

behavior. All batch experiments in this work indicate that Fenton-like oxidation of PCP 

was controlled by surface mechanism reaction and the species compete with each other 

for adsorption on a fixed number of surface active sites.  

 

The second part of chapter 4 was named Fenton-like oxidation of Rhodamine B in the 

presence of two types of iron (II, III) oxide. In this study, the catalytic efficiency of 

iron (II, III) oxide to promote Fenton-like reaction was examined by employing 

Rhodamine B (RhB) as a model compound at neutral pH. Two types of iron (II, III) 

oxides were used as heterogeneous catalysts. H2O2 dosage, surface characteristics of 

iron oxide, structural FeII content and some other factors could influence the oxidation 

performance in iron oxide/H2O2 system. The sorption on surface of iron oxide with 

catalytic oxidation using hydrogen peroxide would be an effective oxidation process 

for the contaminants. 

 

The third part of chapter 4 was named effect of chelating agent on the oxidation rate of 

PCP in the magnetite/H2O2 system. This part mainly worked on the degradation of PCP 

under using chelating agents in the iron oxide/ H2O2 system. Six kinds of chelating 

agents were chosen which were: oxalic acid, EDTA, CMCD, Tartaric Acid, Citric Acid 

and Succinic Acid. Batch of experiments proved that the surface reaction of PCP, 

chelating agents, and some types of Fe-chelating agent complex on the iron oxides 

surface play a main role in the iron oxides//H2O2/chelating agent system.  

 

Chapter 5 provides the general conclusion and recommendations. 
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CHAPTER 2. LITERATURE REVIEW 

 

Fenton’s reagent was discovered about 100 years ago by a French researcher who 

named Henry J. H. Fenton, he reported that H202 could be activated by Fe(II) salts to 

oxidize tartaric acid [Fenton, 1894]. In order to remember him and show the respect of 

this foundation, later researchers named it Fenton reagent which is peroxides (usually 

H2O2) combined with Fe(II) salts. But its application as an oxidizing process for 

destroying toxic organics was not applied until the late 1960s [Huang et al. 1993]. 

From the last few decades to present, Fenton and related reactions have become of 

great interest for their relevance to biological chemistry, synthesis, the chemistry of 

natural waters. Fenton reaction wastewater treatment processes are known to be very 

effective in removaling many hazardous organic pollutants from water which the 

conventional wastewater treatment technologies are hard to deal with. The main 

advantage is the complete destruction of contaminants to harmless compounds, 

e.g.CO2, water and inorganic salts [Neyens and Baeyens, 2003].  

 

Fenton reaction belongs to a so called AOPs (advanced oxidation progresses) 

technologies, which was first called and named by Glaze et al., (1987), the AOPs 

technologies based on the generation of hydroxyl radical (HO•) and have some main 

advantages. Firstly, it can generate amount of free HO• the oxidation in a short time. 

Secondly, HO• can non-selectively react with all types of organic and inorganic 

compounds, and the recontamination is low compared with conventional chemical 

progresses. Because normally the intermediate pollutant or the byproduct will continue 

to be oxidized in the system by HO• and eventually come to the total mineralization. 

Thirdly, different AOPs are easy to combine with each other or other pollutant 

treatment processes to improve the removal of the contamination, such as UV/H2O2 

combined with Fe2/H2O2 used to be called photo-assisted Fenton reaction (or photo 

Fenton reaction). AOPs are well known to us and universally used all over the world 

and the HO• is the key role. 
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In the Fenton reaction, the HO• plays a dominant role in the oxidation of pollutant, that 

was well investigated and accepted by most of the researchers. Actually in the early 

studies Wieland, and Franke (1927), Haber and Weiss (1934) proposed that the active 

oxidant generated by the Fenton reaction is the hydroxyl radical (HO•)�and after 12 

years  Waters (1946) also reported about that. Hydroxyl radical is one of the most 

powerful oxidants known (Eo = 2.73 V). After that, many groups of researchers 

worked on this field and explained many kinds of mechanism. In a series of elegant 

papers on the decomposition of H2O2, Barb et al. (1949, 1951a, 1951b) and Kremer 

and Stein (1959) expanded upon and revised the original mechanism proposed by 

Haber and Weiss (1934) to provide what is now referred to as the "classical" or "free 

radical" Fenton chain reaction, because it involved HO• production as the key step. But 

some part of the mechanism is now still under discussion. The reaction which Haber 

and Weiss proposed and named as Haber-Weiss reaction was argued by George (1947), 

Abel (1948), and Medalia and Kolthoff (1949). They believed the main reaction was 

not really occurred. In This part of thesis we will follow some main points of the 

mechanism and give a review of them. 

 

In the last few decades, the importance of HO• reactions in the natural environment, in 

biological systems, and in useful chemical processes including waste treatment has 

been recognized, and over 1700 rate constants for HO• reactions with organic and 

inorganic compounds in aqueous solution have been tabulated [Buxton et al., 1988]. 

Therefore, high valence iron species and alkoxyl radicals (RO•) have also been 

proposed by many researchers [eg: Sheldon and Kochi, 1980; Rahhal and Richter, 

1988; Bossmann et al., 1998; Buda et al., 2001]. All in all, Fenton and related reactions 

have become of great interest for their relevance to biological chemistry, synthesis, the 

chemistry of natural waters, and the treatment of hazardous wastes. And also the 

Fenton and related reactions are viewed as potentially convenient and economical 

ways to generate oxidizing species for treating chemical wastes. But there are some 

disadvantages of the Fenton reaction to treat the pollutant. The first is the solution must 
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be preacitified at a very low level to initial the reaction. The second is during the 

reaction there will produce sludge which could be thought as a secondary 

contamination. The third is the use of catalysis could not be recycled and the iron in the 

solution after reaction is also a contamination to the environment. In this research we 

mainly worked on one kind of Fenton-like reaction using the iron oxides with H2O2 to 

oxidize the modal pollutant, which called heterogeneous Fenton-like reaction to 

overcome the disadvantages of the classic Fenton reaction. 

 

2.1 Advanced oxidation processes (AOPs) 

 

Current levels of removing the pollutants from water which can be achieved using the 

conventional water treatment technologies are usually not more sufficient, especially 

when waste water streams contain significant amounts of hardly biodegradable 

chemicals or even compounds having phytotoxic effect on the micro-organisms 

responsible for biological degradation of the organic waste (such as polyphenolic) 

[Perathoner and Centi et al., 2005]. Thus in recent years, advanced oxidation processes 

(AOPs) have been widely used in wastewater treatment [Stafford et al., 1994; Lunar et 

al., 2000; Kurbus et al., 2003; Brillas et al., 2003; Trojanowicz et al., 2002]. 

 

There are several other areas in which advanced oxidation processes (AOPs) was 

applied, although in principle more costly than conventional water treatment trains 

(sometimes up to 10 times more costly) [Buitrago et al., 2002], Therefore, there are 

several incentives to develop novel AOPs. The use of catalysts in several cases 

improve the performances and lower the costs of these technologies by (i) increasing 

the reaction rates, (ii) allowing the use of more compact reactors and milder conditions 

for operations, (iii) allowing a better finishing (better decolourization, elimination of 

harmful byproducts in traces, etc.) and improved efficiency in pollutants removal, and 

often also (iv) improving the selective use of the oxidizing agents in converting the 

target chemicals [Perathoner and Centi, 2005]. 
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Catalytic AOPs find application in various areas. For example, in the treatment of 

wastewater from (i) dyeing and printing [Gemeay et al., 2003; Lei et al., 1997; Kim  

et al., 2003], (ii) Kraft-pulp bleaching [Pintar et al., 2004; Pintar et al., 2004; Sonnen  

et al., 1997], (iii) petrochemical industry [Lin and Ho, 1997], (iv) olive milling 

[Chakchouk et al., 1994], (v) H-acid manufacturing process [Zhu et al., 2002] and (vi) 

wood pyrolysis and cooking plant [Armbruster et al., 2002], although the commercial 

processes are still limited [Luck, 1999]. 

 

There are many types of AOPs, however, due to the report of the researchers, AOPs 

has three main basically types, which depending on the type of oxidant (oxygen, 

hydrogen peroxide and ozone). In addition, a fourth type is represented by 

photocatalytic processes, Notwithstanding the significant differences in various AOPs, 

the common aspect is the fact that the main feature of them is producing ·OH radicals 

to oxidize various organic contaminants (although not the only one).  

 

2.2 Fenton reaction   

 

2.2.1 Background of Henry John Horstman Fenton 

One hundred years ago, Henry John Horstman Fenton published a short paper on the 

oxidation of tartaric acid by hydrogen peroxide and iron(II) in the Proceedings section 

of the Journal of the Chemical Society. A full description appeared a year later in the 

Transactions of that journal. However, in 1893, Fenton did not write for the first time 

about tartaric acid, hydrogen peroxide, and iron: in 1876 the first note on the oxidation 

of tartaric acid was published in Chemical News, and a second short note appeared in 

the same journal in 1881 [Koppenol, 1993]. Fenton’s main work was shown in Figure 

2.1. 
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Figure 2.1. Overview of "Fenton" reactions studied by Fenton and his coworkers, 

[Koppenol, 1993; Bielski, 1978]. 

 

2.2.2 Fundamental chemistry of the Fenton reaction 

 

The mechanism of the reaction between iron(II) and hydrogen peroxide has been 

widely assumed to be the following, based upon a comprehensive paper published by 

Barb et al. (1957). The mixture of H2O2 and ferrous iron, which generates hydroxyl 

radicals according to the reaction 

 

Fe2+ + H2O2 → Fe3+ + •OH + HO                                      (2.1) 

 

The ferrous iron (Fe2+) initiates and catalyses the decomposition of H2O2, resulting in 

the generation of hydroxyl radicals. The generation of the radicals involves a complex 

reaction sequence in an aqueous solution [Dunford. 2002].  

 

Fe2+ + H2O2 → Fe3+ + •OH + HO      (chain initiation)                   (2.1) 
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Fe2+ + •OH → Fe3+ + HO                                            (2.2) 

 

•OH + H2O2 → HO2
 + H2O                                           (2.3) 

 

HO2
• + Fe2+ → Fe3+ + HO2

                                           (2.4) 

 

HO2
• + Fe3+ 

→ Fe2+ + O2 + H+                                         (2.5) 

 

They noted that reaction (2.5) might be better written as 

 

O2
•  + Fe3+ 

→ Fe2+ + O2                                             (2.5’) 

 

The above scheme is a chain mechanism in which iron(II) is regenerated. Rate 

constants for many of the above elementary reactions have been obtained by radiation 

chemists and are summarized in Table 2.1. An intensive investigation of reaction (2.4) 

showed that it is a composite reaction that can be broken down into elementary steps 

[Jayson et al., 1973] which were shown as: 

 

−+•
+→+ 2

32
2 HOFeFeHO

4 Ak

                                         (2.4A) 

 

+−

−

+−
+++ 2

2
3

4

4 2
2

3 FeHOFeFeHOFe
B

B

k

k
                                (2.4B) 

 

−+−• +→+ 2
3

2
3 HOFeHOFe

4Ck

                                          (2.4C) 

 

 

The iron-peroxide species are outer-sphere complexes. The authors obtained spectra 

for Fe3+HO2 and Fe3+HO2
Fe2+. They also showed a different dissociation for the 
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binuclear iron complex: 

 

+−++−
+→+ 3

2
22

2
3 FeHOFeFeHOFe

4 Dk

                                   (2.4D) 

 

Table 2.1 Elementary rate constants for the reaction of hydrogen peroxide with iron(II) 

according to the mechanism of Barb et al. 1957. Data from [Dunford. 2002]. 

Reaction  numbers 

 

Rate constant References 

(2.1) 

(2.2) 

(2.3) 

(2.4A) 

(2.4B) 

(2.4_B) 

(2.4C) 

(2.5) 

(53. x 0.7) M-1 S-1 

(3.3x0.6) × 108 M-1 S-1 

2.7 × 107 M-1 S-1 

(1.20x0.05) × 106 M-1 S-1 

(6.8x0.5) × 105 M-1 S-1 

(2.5x0.1) × 104 S-1 

(1.8x0.01) × 103 S-1 

Range: < 1.2 × 104 to 3.6 × 105 

M-1 S-1 

Barb et al., 1957 

Buxton et al., 1988 

Christensen et al., 1982 

Jayson et al., 1973 

Jayson et al., 1973 

Jayson et al., 1973 

Jayson et al., 1973 

Bielski et al., 1985 

 

 

Clearly, after the reaction (2.1), the newly formed ferric ions may catalyse hydrogen 

peroxide, causing it to be decomposed into water and oxygen. Ferrous ions and 

radicals are also formed in the reactions [Neyens and Baeyens, 2003]. The reactions 

are shown as below: 

 

Fe3+ + H2O2 ↔ Fe–OOH2+ + H+                                       (2.6) 

k = 0.001–0.01M−1 s−1 [Walling and Goosen, 1973]. 

 

Fe–OOH2+ 
→ HO2

• + Fe2+                                            (2.7) 
 

The reaction of hydrogen peroxide with ferric ions is referred to as a Fenton-like 

reaction [reactions (2.6) and (2.7)] [Walling and Goosen, 1973; De Laat and Gallard, 
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1985]. And also these two reactions could be combined into one (2.8): 

 

Fe3+ + H2O2 → Fe2+ + HO2
• + H+                                      (2.8) 

 

So the reaction chain from (2.1) to (2.5) could be also written like following [Barb et al. 

1949; 1951a; 1951b]: 

 

Fe2+ + H2O2 → Fe3+ + •OH + HO      (chain initiation)                  (2.1) 

 

Fe3+ + H2O2 → Fe2+ + HO2
• + H+                                      (2.8) 

 

Fe2+ + •OH → Fe3+ + HO                                            (2.2) 

 

•OH + H2O2 → HO2
 + H2O                                          (2.3) 

 

HO2
• + Fe2+ + H+ → Fe3+ + H2O2                                      (2.9) 

 

HO2
• + Fe3+ 

→ Fe2+ + O2 + H+                                        (2.5) 

 

And the reaction (2.10) may happen: 

HO2
• + HO2

• → H2O2 + O2                                          (2.10) 

 

reactions analogous to equations (2.9) (2.5) to (2.10) involving superoxide anion O2
• 

the conjugate base of HO2
• [PKa=4.8; Sawyer and Valentine, 1981;Bielski and Cabelli, 

1991]. Some papers also mentioned the reaction (2.11) may happen: 

 

HO2
• + H2O2 → • OH+ H2O + O2                                                        (2.11) 

 

However the reaction (2.11) was under argument, it is extremely slow [ks= 3 M-1s-1; 

Koppenol et al., 1978] compared to others of HO2
•
�and can be neglected. And also 
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Bray stated: “the specific rate of the reaction 2 HO2
• → H2O2 + O2 is much greater than 

that of HO2
• + H2O2 → • OH+ H2O + O2” [Brey, 1938]. 

 

Actually the reaction (2.8) is too slow and is several orders of magnitude slower than 

reaction (2.1), the desired oxidant for degrading the target pollutant (•OH) is produced 

by reaction (2.1). After the first reaction (2.1), it will produce a stoichiometric amount 

of Fe(III) which later precipitates to amorphous ferric oxyhydroxides as the pH is 

increased ferric oxyhydroxides production (which is the main disadvantage of the 

Fenton reaction). Some researchers had already explained the phenomena. The ferrous 

ions generated in the above redox reactions react with hydroxide ions to form ferric 

hydroxo complexes according to [Walling and Kato, 1971; Lin and Lo, 1997]: 

 

[Fe(H2O)6]
3+ + H2O ↔ [Fe(H2O)5OH]2+ + H3O

+                          (2.12) 

 

[Fe(H2O)5OH]2+ + H2O ↔ [Fe(H2O)4(OH)2] + H3O
+                      (2.13) 

 

Within pH 3 and 7, the above complexes become: 

 

2[Fe(H2O)5OH]2+ ↔ [Fe(H2O)8(OH)2]
4+ + 2H2O                         (2.14) 

 

[Fe(H2O)8(OH)2]
4+ + H2O ↔ [Fe2(H2O)7(OH)3]

3+ + H3O
+                  (2.15) 

 

[Fe2(H2O)7(OH)3]
3+ + [Fe(H2O)5OH]2+ ↔ [Fe2(H2O)7(OH)4]

5+ + 2H2O       (2.16) 

 

which accounts for the coagulation capability of Fenton’s reagent. Dissolved 

suspended solids are captured and precipitated. It should be noted that large amounts of 

small flocs are consistently observed in the Fenton oxidation step. Those flocs take a 

very long time, sometimes overnight, to settle out [Neyens and Baeyens, 2003]. 

 

Reaction (2.8), the so called Fenton-like processes which had been widely investigated 
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till now, showed that starting with the ferrous or starting ferric iron to initiate the chain 

reaction to decomposition H2O2 and generate the •OH were different, though it is clear 

from reaction (2.1) to (2.5) that both Fe(II) and Fe(III) species are present 

simultaneously in the chain. It could be explained in which ferric ions react with 

hydrogen peroxide, reaction (2.6) is the rate-limiting step. When the pH is too low and 

the concentration of hydrogen ions is too high, it will slow down the formation of 

FeOOH2+, which consecutively causes the production rates of ferrous ions and 

hydroxyl radicals to decrease as well. The earlier reactions may retard the Fenton 

reaction [Neyens and Baeyens, 2003]. Actually, Starting with Fe (II) can lead to an 

initial rapid degradation phase resulting from a burst of •OH by reaction (2.1) [e.g., 

Bishop et al., 1968; Chen and Pignatello, 1997; Gallard and De Laat, 2000]. When 

H2O2 is in large excess the extent of this burst phase will depend on the Fe/contaminant 

molar ratio because that ratio determines the HO•/contaminant ratio in the burst phase 

[Hsueh, 2006]. While staring with the mix of Fe (II) and Fe (III) was also be 

investigated by some researchers [eg: Chen et al., 1997]. 

 

 

2.2.3 Mechanism of Iron-oxo iron and complexes in Fenton reaction 

 

In 1946, Due to the work of Baxendale et a1., the earlier researchers including: Merz 

and Waters (1947), Barb et al.(1951), and Walling (1975) believed that there is little 

doubt that hydroxyl radicals are formed at low pH from the one-electron reduction of 

hydrogen peroxide by iron(II), presumably via an iron(II)-hydrogen peroxide, or 

iron(IV)-oxo intermediate. Actually, in 1932, the ferryl ion species FeO2+ had been 

firstly proposed by Bray and Gorin as one step in the ferric ion catalyzed 

decomposition of hydrogen peroxide. They connected the ferrous and ferric ion 

reaction through the postulated equilibrium: 

 

2Fe3+ + H2O = Fe2+ + FeO2+ + 2H+                                   (2.17)  



 

 - 18 -

 

With hydrogen peroxide in excess, oxygen evolution was proposed as follows: 

 

Fe2+ + H2O2 → FeO2+ + H2O                                        (2.18) 
 

FeO2+ + H2O2 → Fe2+ + H2O + O2                                    (2.19) 

 

Thus their mechanism shows both ferrous and ferryl ions attacked by hydrogen 

peroxide, but not ferric ions. 

 

Recently until the years 1999, a comprehensive reinvestigation of the reaction of 

ferrous ion with hydrogen peroxide had been published by Kremer. His mechanism for 

the iron(II) reaction was shown in Figure 2.2. In his mechanism with the iron(II) in 

excess, oxygen evolution is negligible. With hydrogen peroxide in excess, reaction 

with FeO2+ causes oxygen evolution in the initial stages, whereas in later stages the 

new species {FeOFe}5+ is responsible. 

 

 

Figure 2.2 Mechanism of reaction of ferrous ion with hydrogen peroxide Kremer et al., 

1999. 
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2.2.4. Main factors of Fenton reaction 

 

2.2.4.1 Target organics  

Reactions of HO• with organic compounds lead to the formation of carbon-centered 

radicals. The hydroxyl radical always present in vanishingly small concentration reacts 

in many well known ways with organic compounds, principally by abstracting H from 

C―H, N―H, or O―H bonds, adding to C=C bonds, or adding to aromatic rings [Von 

Sonntag and Schuchmann, 1997; Buxton et al., 1988]. 

As shown in reaction (2.3), H2O2 can act as an OH• scavenger as well as an initiator 

[reaction(2.1)]. Hydroxyl radicals can oxidise organics (RH) by abstraction of protons 

producing organic radicals (R•), which are highly reactive and can be further oxidised 

[Walling and Kato, 1971; Venkatadri and Peters, 1993; Lin and Lo, 1997] 

 

RH + OH• → H2O + R• → further oxidation                             (2.20) 

 

Since k of (2.3) = 107M−1s−1 < k of (2.2) = 108, (2.7) can be made unimportant by 

maintaining a high [RH]/[H2O2] ratio [Neyens and Baeyens, 2003]. If the 

concentrations of reactants are not limited, the organics can be completely detoxified 

by full conversion to CO2, water and in the case of substituted organics, inorganic salts 

if the treatment is continued [Neyens and Baeyens, 2003]. 

Walling (1975) simplified the overall Fenton chemistry [reaction (2.1)] by accounting 

for the dissociation water:  

 

2Fe2+ + H2O2 + 2H+ → 2Fe3+ + 2H2O                                  (2.21) 

 

Due to the equation (2.21), it showed that the presence of H+ is required in the 

decomposition of H2O2. This indicated the need for an acid environment to produce the 

maximum amount of hydroxyl radicals. Previous Fenton studies had shown that acidic 

pH levels near 3 are usually optimum for Fenton oxidations [Hickey et al. 1995]. In the 
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presence of organic substrates (RH), excess ferrous ion, and at low pH, hydroxyl 

radicals can add to the aromatic or heterocyclic rings (as well as to the unsaturated 

bonds of alkenes or alkynes). 

 

 

They can also abstract a hydrogen atom, initiating a radical chain oxidation [Walling, 

1975; Lipczynska-Kochany et al. 1995] 

 

RH + OH• → H2O + R•      (chain propagation)                        (2.22) 

 

R•
 + H2O2 → ROH + OH•                                           (2.23) 

 

R• + O2 → ROO•                                                  (2.24) 

 

The organic free radicals produced in reaction (2.22) may then be oxidised by Fe3+, 

reduced by Fe2+, or dimerised according to the following reactions [Tang and Tassos, 

1997] 

 

R• + Fe3+-oxidation → R+ + Fe2+                                      (2.25) 

 

R• + Fe2+-reduction → R− + Fe3+                                      (2.26) 

 

2R•
―dimerization → R-R                                           (2.27) 

 

The sequence of reactions (2.1), (2.2), (2.22) and (2.25) constitute the present accepted 
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scheme for the Fenton’s reagent chain. 

 

2.2.4.2 Influence of pH  

 

The pH is the key parameter of the treatment efficiency for Fenton’s reagent, pH of the 

system has been observed to significantly affect the degradation of pollutants [Sedlak 

and Andren, 1991; Lin and Lo, 1997; Kang and Hwang, 2000; Nesheiwat and Swanson, 

2000; Benitez et al., 2001a]. The optimum pH has been observed to be 3 in the 

majority of the cases [Venkatadri and Peters, 1993; Tang and Chen, 1996; Kwon et al., 

1999; Benitez et al., 2001a] and hence is recommended as the operating pH at lower 

pH (pH < 3. 0). The scavenging effect of hydroxyl radicals by hydrogen ions becomes 

important at a very low pH [Tang and Huang, 1996] and also the reaction of Fe3+ with 

hydrogen peroxide is inhibited [Pignatello, 1992]. At operating pH of >4, the 

decomposition rate decreases because of the decrease of the free iron species in the 

solution, probably due to the formation of Fe (II) complexes with the buffer inhibiting 

the formation of free radicals and also due to the precipitation of ferric oxyhydroxides 

[Bigda, 1995; Lin and Lo, 1997; Nesheiwat and Swanson, 2000] which inhibit the 

regeneration of ferrous ions. Also, the oxidation potential of HO• radical is known to 

decrease with an increase in the pH [Kwon et al., 1999]. 

 

A review of some works about the effect of pH on the Fenton reaction: 

 

1. Hsueh et al. (2005) chose one kind of azo-dye named Red MX-5B as the modal 

pollutant in the experiment. The pH of this study focuses on the range of 1.5–6.5., the 

change of Red MX-5B concentration is significantly influenced by the solution pH. 

The optimum solution pH was observed at a pH of about 2.5–3.0 for the reactions.  At 

pH 1.5, the dye decolorization rate dramatically decreased revealing that the 

scavenging effect of the •OH by H+ is severe at low pH. When at a pH higher than 3, it 

also showed low dye decolorization efficiency.  
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2. Carmen et al (2008) chose a kind of azo dye named Red H-EXL in his research. The 

experiments performed at different pH values between 2 and 5, His result showed that 

the maximum dye removal rate was reached for pH of 3.0. But the differences in the 

performances reached after 2 h are almost insignificant, whatever is the pH (3, 3.5 or 

other pH values). 

 

3. Burbano et al. (2005) chose an organic chemical named methyl tort-butyl ether 

(MTBE) in the Fenton system. The experiments performed at different pH values 

between 3.0 and 7. This study was performed using solutions containing [MTBE]0 of 

11.4 and 22.7 mM, each one in individual experiments at pH values of 3.0, 3.6, 5.0, 6.3 

and 7.0. FR means equimolar mixture of Fe2+ and H2O2 (i.e., [Fe2+]0/[H2O2]0=1:1), and 

was added at a constant [FR]0 /[MTBE]0 molar ratio of 10:1 ([FR]0 of 0.114 and 0.227 

mM, respectively). The result showed that the maximum dye removal rate was reached 

for a pH of 3.0. Small variations were observed for the experiments at acidic pH values 

(between 3.0 and 5.0), while at neutral or close to neutral pH the extent of degradation 

was significantly lower.  

 

From the foregoing, it appears that pH between 2 and 3 is the most effective in the 

degradation reactions. All these results showed were closely agreed with the literatures 

[Kuo, 1992; Sheng and Cho, 1997; Kang and Hwang, 2000; Sevimli and Kinacl, 2002]. 

This is also in agreement with the observation that complete mineralization of 

pentachlorophenol by Fenton’s reagent [Watts et al., 1990]. 

 

2.2.4.3 Influence of Ferrous ion and H2O2  

 

Amount of Ferrous ions 

Usually, the rate of degradation increases with an increase in the concentration of 

ferrous ions [Lin and Lo, 1997; Kwon et al., 1999; Benitez et al., 2001a] though the 

extent of increase is sometimes observed to be marginal above a certain concentration 

as reported by Lin et al. (1999) and Kang and Hwang (2000) and Rivas et al. (2001). 
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But some report mentioned that the excessive use of ferrous ions in the solution will 

cause a negative effect of the oxidation of the pollutant, represented as the example 

followed. 

 

Due to the work of Rodrigues et al. (2008), from their work, maximum dye removal 

levels are reached for a ferrous ion concentration of 0.27mM, the performance being 

worst for higher loads. Rodrigues (2008) reported that such detrimental effect of 

excessive catalyst dosages can be ascribed to other undesirable and competitive 

reactions that decrease the amount of radicals available to oxidize the organic matter, 

by reaction with excess iron ions, the reaction for ferrous ions they are represented may 

be as the reaction (2.2) and (2.4) mentioned above: 

 

Fe2+ +HO• 
→ Fe3+ +OH−                                             (2.2) 

 

Fe2+ +HO2
• → Fe3+ +HO2−                                           (2.4) 

 

Dosage of hydrogen peroxide 

Concentration of hydrogen peroxide plays a crucial role in degradation process. 

Usually it has been observed that the percentage degradation of the pollutant increases 

with an increase in the dosage of hydrogen peroxide [Lin and Peng, 1995; Lin and Lo, 

1997; Kwon et al., 1999; Lin et al., 1999; Kang and Hwang, 2000; Rivas et al., 2001]. 

However, hydrogen peroxide if presented in the solution in large quantities (excessive) 

will acts as a scavenger for the generated hydroxyl radicals. Thus, the loading of 

hydrogen peroxide should be adjusted in such a way that the entire amount is utilized, 

and this can be decided based on the laboratory scale studies with the total used 

amount of ferrous ions and the concentration of the pollutant. Some report below 

mentioned about the dosage of H2O2 in the reaction. 

 

Due to the work of Dutta et al. (2001), the result showed that at a fixed Fe2+ 
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concentration of 3.58 ×10−5 mol dm−3, the H2O2 concentration of 4.41×10−4 mol dm−3 

was effected in degrading about 98% of dye in 30 min. The fractional conversion after 

1 h remains almost same for H2O2 concentration of 4.41×10−4 to 2.94×10−2 mol dm−3. 

Beyond 2.94×10−2 mol dm−3, a decrease in fractional conversion of the dye was 

observed. Therefore, there is an optimum H2O2 concentration that is effective for the 

degradation of the dye. And also, data shown from the work of Rodrigues et al. (2008) 

put into evidence that in the tested range, dye removal efficiencies increase when the 

oxidant dosage is raised up to 5.9–8.8mM. Nevertheless, for higher concentrations 

oxidation performance remains practically unaffected, or even decreases.  

 

This is a common behaviour in the Fenton’s process, often attributed to the parallel and 

undesired reaction between excess hydrogen peroxide and hydroxyl radicals 

(scavenging effect) [Lin and Lo, 1997]. Consequently, the effective amount of these 

highly reactive species (HO•) that is available to degrade the dye and/or the 

intermediate compounds decreases. Although another radical is formed (HO2
•), it has 

an oxidation potential significantly smaller than that of the hydroxyl one [Bigda, 1995]. 

The excess amount of H2O2 is not recommended in the treatment of pollutant, it is 

costly, not very efficient, and to some points harmful to many of the microorganisms 

[Ito et al., 1998] when used as a pretreatment to biological oxidation. 

 

Ferrous ions/ hydrogen peroxide ratio 

Actually the [Fe2+]/[H2O2] ratio is an important factor about the dosage of ferrous ions 

and hydrogen peroxide in the Fenton oxidation. Some researchers had investigated 

about that, such as Yoon et al. [7], they studied these relationships and classified them 

into three categories according to the quantity of the [Fe2+]0/[H2O2]0 ratio (initial 

concentration of Fe2+ versus initial concentration of H2O2). Their results are now 

summarized: 

 

 

When the [Fe2+]0/[H2O2]0 ratio is high (≥2). The Fenton reaction begins by producing 
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OH• from the reaction between ferrous ion and hydrogen peroxide [reaction (2.1)]. 

When the Fenton reaction in the absence of organics is initiated under [Fe2+]0/[H2O2]0 

(≥2), the consumption ratio of ferrous ion to hydrogen peroxide (�[Fe2+]/�[H2O2]) 

becomes about 2, and radical chain reactions are quickly terminated. Yoon et al. 

explained that is because the OH• produced as a result of reaction (2.1) mainly reacts 

with the ferrous ion [reaction (2.2)] and not hydrogen peroxide [reaction (2.3)]. This 

explanation is supported by the fact that the reaction between OH• and the ferrous ion 

is ten times faster than that between OH• and hydrogen peroxide [k2 = 3.3 × 108M−1 s−1 

[Buxton et al., 1988] and k7 = 2.7 × 107M−1 s−1 [Christensen et al., 1982]. 

 

When the [Fe2+]0/[H2O2]0 ratio = 1, Regardless of the presence of organics, hydrogen 

peroxide rapidly converts all ferrous to ferric ion via reaction (2.1). In the absence of 

RH, hydrogen peroxide decomposes slowly through ferric ion induced radical chain 

reactions [reaction (2.6)] just after the rapid consumption of hydrogen peroxide. The 

reduction of the ferric ion [reactions (2.6) and (2.7)] is significantly lower than reaction 

(2.1) and is the rate-determining step. To have a continued decrease of hydrogen 

peroxide, ferrous ion must be formed by the reduction of ferric ion. Actually, from the 

result of Yoon et al., with or without RH, the ferrous iron will be consumed during first 

few minutes, and in 90 minutes the chain reaction can’t decompose all H2O2.  

 

When the [Fe2+]0/[H2O2]0 ratio is low (≤1), In the absence of RH, a slow 

decomposition of hydrogen peroxide occurs caused by ferric ion, which induces 

radical chain reactions (ferric system) immediately after the initial rapid depletion of 

hydrogen peroxide. However, the presence of RH almost stops the decomposition of 

hydrogen peroxide by ferric ion (ferric system), the amount of hydrogen peroxide 

decomposition, induced by the initial ferrous ion (ferrous system) in the presence of 

RH, is smaller than in the absence of RH. 

 

2.2.4.4 Influence of the pollutant concentration   
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Initial concentration of the pollutant: Usually lower initial concentration of the 

pollutants are favored [Kwon et al., 1999; Benitez et al., 2001a], but the negative 

effects of treating large quantity of effluent needs to be analyzed before the dilution 

ratio can be fixed. 

In 2008 Lipczynska-Kochany and Kochany made a Table in their study to show the 

Concentrations of different pollutants and rates (k) of their reactions with •OH radicals 

in some previous study (Table 2.2).  

 

Table 2.2. Concentrations of pollutants of concern and rates (k) of their reactions with 

•OH radicals 

Contaminants Concentration  

(mg L-1) 

K (M-1)(s-1) Reference 

Pollutantsa 

Arsenic 

Cyanide 

Thiocyanate 

Phenol 

2,4-Diethylphenol 

Benzene 

Toluene 

o-Xylene 

m.p-Xylene 

Dichloromethane 

 

Anions 

Bicarbonate 

Phosphate 

Nitrate 

Sulfate 

 

9.2 ± 0.5 

98.0 ± 0.5 

460.0 ± 0.5 

41.0 ± 0.05 

7.30 ± 0.06 

1.13 ± 0.05 

0.11 ± 0.02 

0.19 ± 0.03 

0.32 ± 0.065 

0.09 ± 0.3 

 

 

238 ± 2 

9.8 ± 0.5 

12.0 ± 0.5 

33.0 ± 0.5 

 

9 × 109 

7.6 × 109 

1 × 1010 

1 × 1010 

1 × 1010 

7.8 × 109 

3 × 109 

6.7 × 109 

7 × 109 

5.8 × 107 

 

 

5.7 × 106 

4.3 × 109 

 

 

Buxton et al. (1988) 

Buxton et al. (1988) 

Buxton et al. (1988) 

Buxton et al. (1988) 

Buxton et al. (1988) 

Buxton et al. (1988) 

Buxton et al. (1988) 

Buxton et al. (1988) 

Buxton et al. (1988) 

Buxton et al. (1988) 

 

 

Kochany and lipczynska-kochany (1992) 

Kochany and lipczynska-kochany (1992) 

a Contaminants of wastewater which were to be degraded by the Fenton reaction; in addition, the 

wastewater contained ammonia (890 mg L-1) which was to be removed in the subsequent 

nitrification step (not described in this paper) 
b Data for o-cresol. 

 

 

In the work of Dutta et al. (2001), a dye solution of 3.13×10−5 mol dm−3 was stirred 

with 3.58× 10−5 mol dm−3 Fe2+ and 4.41 × 10−4 mol dm−3 H2O2 solutions when a rapid 
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reaction occurred. After 10 min it came to a constant no more dye was decayed, rest of 

the reaction took about 2 h for practically complete degradation of the dye when the 

solution became colorless. The degradation reaction can be roughly divided into two 

phases: first 10 min of reaction occurs rapidly, and then sluggishly. It is clear that the 

lower concentration have a higher oxidation efficiency which is showed in the Table 

2.3. 

 

Table 2.3. Initial constant rates of degradation of methylene blue at different initial 

concentrations of dye.  

Reactants Initial concentration×105 (moldm-3) Initial rate ×105 (moldm-3 min-1) 

Dye 3.13 

6.26 

9.39 

0.81 

1.91 

3.23 

 

2.2.4.5 Influence of temperature 

 

In fact, Lin and Lo (1997) had reported an optimum temperature of 30 °C, whereas 

Rivas et al. (2001) reported that the degradation efficiency is unaffected even when the 

temperature is increased from 10 to 40°C, and also Rodrigues et al. (2008) reported 

that the degradation efficiency of the dye increased from 20 to 70°C. Nesheiwat and 

Swanson (2000) reported that if the reaction temperature is expected to rise beyond 

40°C due to exothermic reactions, cooling is recommended as above 40°C, efficiency 

of hydrogen peroxide utilization decreases due to accelerated decomposition of 

hydrogen peroxide into water and oxygen.   

 

 

From the work of Dutta et al. (2001), the extent of degradation of the dye was observed 

when the reaction temperature was raised from 281 to 299 K. A further increasing in 

the reaction temperature from 299 to 313K resulted in the decrease in the extent of 
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degradation of the dye. Moreover, there was practically no difference in the rate and 

extent of degradation of the reaction in the temperature between 313 and 328 K. The 

author thought that at higher reaction temperatures, perhaps, the thermal 

decomposition of the hydrogen peroxide resulted in the reduction of its effective 

concentration towards making hydroxyl radicals, and this was possibly the reason 

behind lower conversion of the dye at higher reaction temperatures. 

 

But, From the work of Rodrigues et al. (2008), under the catalyst dose of 0.27mM, the 

result illustrates that Fenton’s process performance increases with temperature from 20 

to 70°C, a trend that can be justified by the kinetic constants raise with that variable 

(Arrhenius law). However, such effect is much more pronounced on the mineralization 

rate (TOC removal). The author also pointed out that “For simple dye degradation 

temperatures of 20°C are enough to provide fast decolourisation”.  

 

2.2.5 Disadvantages  

 

Fenton’s reagent over other oxidizing treatment methods are numerous, including high 

efficiency, simplicity in destroying the contaminants (eventually leaving no residues), 

stability to treat a wide range of substances, non-necessity of special equipment, etc. 

[Arnold et al., 1995]. Besides, operating conditions are usually mild (atmospheric 

pressure and around room temperature), and hydrogen peroxide is easy to handle and 

the excess decomposes to environmentally safe products [Kang and Hwang, 2000]. 

But the Homogeneously Fenton process has some significant disadvantages:  

 

 

1. In the treatment of wastewater, it requires an application of acid and subsequently 

neutralization of the treated water what increases its salinity. In some cases, 

acidification of water may create gaseous emission problems when sulfides or 

cyanides are present. In the natural environment because of the strong buffering 
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capacity of groundwater and soil, acidification is often difficult and it could pollut 

the enviroment, and cause undesirable ecological impacts  

 

2. During the reaction will generate the sludge. However, remove the 

sludge-containing Fe ions at the end of wastewater treatment are expensive and 

needs large amount of chemicals and manpower [Ramirez et al., 2007a].  

 

3. Leads to high metal (iron or other transition metal) concentrations in the final 

effluent. Most of time the concentration was overcomes the legal limit of a country. 

Even though the metal recovery is possible, it would rise the costs and the 

complexity of the process [Duarte et al., 2009]. 

 

4. The catalyst used in the reaction can not be easily recovered by sedimentation or 

filtration for further uses. 

 

2.3 Heterogeneous Fenton-like reaction 

 

To overcome the disadvantages of the homogeneous Fenton process, some attempts 

have been made to develop heterogeneous catalysts, prepared by incorporating Fe ions 

or Fe oxides into porous supports [Gemeay et al., 2003; Ishtchenko et al., 2003; Letaief 

et al., 2003; Tachiev et al., 2000;]. In such cases, oxidation may potentially occur via 

iron ions released into solution or via reactions that take place between solutes and 

surface-bound species. Other transition metal complexes supported on several surfaces 

such as metal oxides, resins and mixed (Al-Cu) pillared clays have also been used as 

potentially active catalysts for the decomposition of H2O2 and for the oxidative 

degradation of organics [Carriazo et al., 2003; Ramirez et al., 2007a].  

 

Thus, several studies have been made to find efficient heterogeneous systems, different 

types of solids can be used as heterogeneous catalysts. Among them iron powder and 
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different iron oxides have been tested [Hanna et al., 2008; Costa et al., 2008; Mecozzi 

et al., 2006; Lucking et al., 1998; Andreozzi et al., 2002a; Lu et al., 2002; Watts et al., 

1999]. Solid catalysts can also be constituted by iron dispersed on different supports 

such as alumina [Al-Hayek and Dore, 1990], zeolite [Centi et al., 2000; Fajerwerg et 

al., 1996; Parkhomchuk (Kuznetsova) et al., 2008; Doocey et al., 2004], cation 

exchange resins [Liou et al., 2004] and clay [Barrault et al., 2000; Ramirez et al., 2008; 

Ramirez et al., 2007a], or carbons materials [Ramirez et al., 2007b]. All this process 

called heterogeneous Fenton-like or modified Fenton could avoid the initial 

acidification which may be costly and destructive for the in situ remediation of 

contaminated groundwater and soils, and also it could avoid other disadvantages of the 

classic Fenton reaction. 

 

2.3.1 Iron oxides 

 

Iron is the most abundant transition metal in the natural environment. It widely exists 

in the soil, fresh waters, ocean and atmosphere as mineral on the surface of the Earth. It 

plays a very important role in many biological and chemical processes. Its average 

concentration in the Earth’s crust is around 5.6%. It usually exists in the form of oxides 

and hydroxides, which are hardly soluble in the aqueous solution. Since iron is one of 

the most abundant elements on the earth, many classes of iron metal, compounds, and 

mixtures are extensively used in industrial production and daily life, especially in 

chemical engineering as catalysts [Wu et al., 2006]. Different kinds of iron oxides, 

such as goethite, hematite, magnetite, and ferrihydrite, are among the most ubiquitous 

forms of iron species under environmental relative conditions (pH 4-9) [Kwan et al., 

2002; Kwan et al., 2003; Petigara et al., 2002; Lin et al., 1998]. They show quite 

different catalytic activity due to the surface area or valence of iron [Kwan et al., 

2003].  

 

Several authors have reported that unlike the traditional Fenton's reagent, the reaction 
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of iron bearing minerals with hydrogen peroxide can effectively oxide the organic 

molecules at circumneutral pH, this systems can effectively oxidize pollutants at pH 

values from three to circumneutral through heterogeneous Fenton-like reactions [Lin 

and Gurol, 1998; Valentine and Wang, 1998; Watts et al., 1999; Kwan and Voelker, 

2002; Kwan and Voelker, 2003; Matta et al., 2008; Hanna et al., 2008]. However, till 

now a consensus on the mechanism of this process does not exist [Barreiro et al., 2007]. 

Recent studies suggested that the process may be attributed to the generation of •OH 

radicals by H2O2 decomposition on surfaces of iron oxide particles [Lin and Gurol, 

1998; Kwan and Voelker, 2002, 2004]. And the decomposition of H2O2 primarily 

takes place on the surface active sites of these iron oxides [Kwan et al., 2003; Petigara 

et al., 2002; Lin et al., 1998].  

 

Heterogeneous Fenton-like process is a surface mineral-catalyzed system which can be 

explained by heterogeneous reactions occurring at the iron mineral surface [Lin and 

Gurol, 1998; Watts et al., 1999; Kwan and Voelker, 2002; Kwan and Voelker 2003]. 

The activity of the iron oxide used as catalyst depends on its characteristics such as 

crystallinity [Valentine and Wang, 1998; Miller and Valentine, 1999; Huang et al., 

2001], surface area [Valentine and Wang, 1998; Miller and Valentine, 1999; Huang et 

al., 2001; Kwan and Voelker, 2004], iron content and/or iron oxidation sate [Matta et 

al., 2007; Hanna et al., 2008]. In surface-catalyzed mechanism, the interactions of 

H2O2 with iron oxide surface lead to the formation of HO• radicals which attack the 

pollutants in either sorbed or aqueous phases [Lin and Gurol, 1998; Watts et al., 1999; 

Kwan and Voelker, 2002; Kwan and Voelker 2003]. Watts et al. [Watts et al., 1999] 

reported that different mechanisms may be occurred on the surface at high H2O2 

concentration and the sorption rate could be a controlling factor of the whole catalytic 

oxidation reaction. The catalytic activity for hydrogen peroxide decomposition and/or 

organic compound oxidation were widely investigated using FeIII-bearing minerals of 

different surface area [Lin and Gurol, 1998; Watts et al., 1999; Kwan and Voelker, 

2002; Kwan and Voelker 2003; Valentine and Wang 1998; Miller and Valentine, 1999; 

Huang et al., 2001; Kwan and Voelker, 2004]. In these works, the authors proposed that 
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the surface area of the iron oxide accounts for the difference in reaction activity and the 

decomposition rates by goethite, ferrihydrite, and hematite were all relatively similar 

when normalized to surface area. So the decomposition of H2O2 on the surface may 

play a main role. But the authors such as Andreozzi et al. (2002a, b) suggested that the 

decomposition reactions occur through non-radical mechanisms. And also it was said 

that the consumption rate of H2O2 does not equal to the generation rate of •OH. 

 

Another group of authors reported that the catalytic activity can be related to the 

activation of hydrogen peroxide by iron ions leached from the solid material and acting 

as homogeneous catalysts [Pera-Titus et al., 2004; Lucking et al., 1998]. Actually, in 

the presence of some natural ligands (oxalate, humic acid, et al.), however, iron is 

likely to be released from the oxide surface, increasing the contribution of solution 

phase reaction to the loss of H2O2 [Voelker et al., 1997; Kwan et al., 2002; Faust et al., 

1984]. The authors [Fajerwerg et al., 1996; Kuznetsova et al., 2004] associated the 

catalytic activity to the combined and pH dependent effects of metal leaching and 

direct heterogeneous catalysis. In the latter case, the initiation step involves H2O2 

adsorbed on the iron oxide surface [Kwan et al., 2003].  

 

The disadvantage of using iron mineral is that the decomposition rate of organic 

contaminants is slower than in classic Fenton reaction using ferrous ions at acidic pH. 

In order to overcome these drawbacks of the homogeneous Fenton process, the 

FeII-bearing minerals have been used in the investigation of heterogeneous Fenton 

reaction. In this work, two kinds of iron oxides were chosen, both of them are iron (II, 

III) mixed oxide (Fe3O4). They were selected because of its FeII-structural content and 

its low solubility in reaction medium [Schwertmann and Cornell, 2000]. Experiments 

that evaluated different iron oxides under the same conditions exhibited differences in 

the degradation rates of hydrogen peroxide and contaminants. iron (II, III) mixed oxide 

(Fe3O4) was the most effective catalyst as compared to the other iron oxides [Tyre et al., 

1991; Kong et al., 1998; Watts et al., 1999], because Fe3O4 contained FeII in it’s 

structure, and the FeII-containing minerals are very interesting in the heterogeneous 
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Fenton reaction, FeII play an important role for the initiation of the Fenton reaction 

according to the classical Haber–Weiss mechanism [Hanna et al., 2005; Shiavello, 

1987; Kwan and Voelker, 2003; Matta et al., 2008; Matta et al., 2007]. Iron oxide 

which had FeII in its structure can enhance the production rate of •OH. 

 

2.3.2 Haber-Weiss (Haber and Willstätter) reaction 

 

Haber and Willstätter believed that the mechanism by which enzymes reacted with 

substrates was via initiation of chain reactions, after which the enzyme played no direct 

role [Haber and Willstätter, 1931].  

 

HO• + H2O2 → H2O + O2
•- + H+                                      (2.28) 

 

O2
•- + H+ + H2O2 →O2 + HO• + H2O                                  (2.29) 

 

The chain reactions (2.28) and (2.29) were originally proposed by Haber and 

Willstätter in a paper on radical reactions in organic chemistry and biochemistry, and 

specifically to explain the action of catalase [Haber and Willstätter, 1931]. The opinion 

of Haber and Willstätter was that enzymes initiated radical reactions, after which the 

chain reactions consumed the substrate. Iron just acted in the same way. Superoxide, 

hydrogen peroxide and the hydroxyl radical were proposed in the mid-twenties as 

chain carriers in combustion processes. 

 

 

Haber and Weiss (1932) dismissed Fe2O5 and showed that even more hydrogen 

peroxide per iron(II) was consumed if the mixing of hydrogen peroxide with iron(II) 

was improved: they let one solution flow into the other from a rotating buret that was 

modified to have a horizontal tip. The interesting concept in their paper was that 

hydrogen peroxide was consumed by a chain reaction. 
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Fe2+ + H2O2 → Fe3+ + •OH + HO      (chain initiation)                   (2.1) 

 

Which is then followed by chain Reactions (2.28) and (2.29), 

 

HO• + H2O2 → H2O + O2
•- + H+                                      (2.28) 

 

O2
•- + H+ + H2O2 → O2 + HO• + H2O                                  (2.29) 

 

while chain termination is caused by Reaction (2.30) 

 

Fe2+ + HO• + H+ →Fe3+ + H2O                                       (2.30) 

 

This is the so-called Haber-Weiss cycle. And Song et al. (2006) reported the 

mechanism of heterogeneous Fenton-like reaction may be happened like followed 

based on the Haber-Weiss cycle: 

 

≡Fe(II) + H2O2 → ≡Fe(III) + •OH + OH                               (2.31) 

 

≡Fe(III) + H2O2 → ≡Fe(II) + O2
•/HO2

•                                (2.32) 

 

≡Fe(III) + O2
•/HO2

• → ≡Fe(II) + O2                                  (2.33) 

 

≡Fe(II) + O2
•/HO2

• → ≡Fe(III) +H2O                                 (2.34) 

 

Some authors suggested an initial step of fast adsorption of the H2O2 molecule on 

(≡Fe(III)) sites [Dantas et al., 2006] and others the adsorption of the organics [Feng et 

al., 2006]. Even a consensus on the mechanism of this process does not exist, 

Nevertheless, the involvement of the these steps has been suggested in most of the 

works found in the literature, which correspond to Fe3+ reduction with generation of 

less oxidative HO2
• radicals (reaction 2.32), followed by Fe3+ regeneration with 
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formation of the hydroxyl radicals. The symbol ≡ in the reaction (2.31) to (2.34) 

represents the surface of the catalyst. However, it must be remarked that the radicals 

can also be generated in the surface of the solid so they are actually ‘‘caged’’ in the 

solid structure, subsequently reacting with the adsorbed reagent(s) without radicals 

generation. Obviously, besides the indicated steps many other radical reactions occur, 

including those involving the reaction intermediates [Ramirez et al., 2007a]. 

 
 

The usage of heterogeneous Fenton-like reaction often combined with other AOPs 

technologies to improve the oxidation efficiency in recent years. It used to be named 

heterogeneous advanced Fenton process (AFP). Such as applied UV in the Fenton-like 

system, which was the so called Photo assist Fenton-like reaction, and also Ultrasonic, 

electrochemical methods, and so on. Table 2.4 showed some works recent years about 

using heterogeneous Fenton oxidation process to oxidize the pollutant including some 

works combined with other AOPs processes.  

 
Table 2.4. The list of the chemicals degraded by heterogeneous Fenton oxidation in 
recent years. 
 

Pollutants  Catalysis Referance 

1. Black 5 (RB5), Orange II 
2. Black 5 (RB5) 
3. Methylene blue 
4. Methyl red (MR) 
5. Pentachlorophenol (PCP) 
6. Methylene blue 
7. Orange II 
8. Dimethyl sulphoxide 
9. Black 5 (RB5), EDTA 
10. Methylene blue 
11. Propene 
12. Methane 
13. Alcohols, olefins 
14. Phenol  
15. Methyl red 
 
 

Fe3O4 
Fe3+-containing ashes 
Fe0/Fe3O4 
Iron(III) / silica 
Fe (II, III) oxide 
Nb2O5/iron oxides 
FeVO4 
α-FeOOH 
Zero Valent Iron (Fe0) 
Fe3−x/TixO4 

FeSbO4 
CeO2/Fe2O3 
Fe2O3 
Fe2O3 
quartz/ iron(III) oxide 
quartz/maghemite 
quartz/magnetite 

Shin et al., 2008 
Flores et al., 2008 
Regina et al., 2008 
Hanna et al., 2008 
Xiaofei et al., 2009 
Oliveira et al., 2007 
Deng et al., 2008 
Wu et al., 2006 
Zhou et al., 2008 
Yang et al., 2009 
Zhang et al., 2008 
Li et al., 2008 
Shi et al., 2008 
Zelmanov and Semiat, 2008 
Hanna et al., 2008 
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16. 4-chlorophenol 
17. Quinoline 
18. Rhodamine B (RhB) 
19. 1,1-dimethylhydrazine 
20. Cinnamic acid 
21. Bisphenol A  
22. Carbon tetrachloride 
23. Orange II 
24. Polyacrylamide  
25. Reactive brilliant orange 
26. Benzoic acid 
27. Remazol Brilliant Orange 
28. Acid Blue 74 
 
29. Quinoline 
30. Methylene blue 
 
31. Volatile organic compounds 
(industries) 
32. Reactive black 5 (RB5) 
33. Phenolic wastewaters 
34. Reactive brilliant red X-3B 
35. Acid Violet 7 
36. P-chlorophenol 
 
37. Phenol  
39. Pentachlorophenol (PCP) 
40. Phenol 
 
41.Textile wastewater 
42. Orange II 
43. Indigo Carmine 
44. Reactive Orange 4 (RO4) 
 
45. Phenol 
 
46. 2,4-xylidine 
 
47. Ethanol 
49. Reactive Red HE-3B 
 

quartz/goethite 
Zero valent iron (Fe0) 
α-FeOOH 
Fe (II, III) oxide 
FeZSM-5 
Fe/ montmorillonite 
Al2O3/Fe2O3 
Valent iron metal (Fe0) 
Carbon/Fe 
Fe(III)/SiO2 
Fe/Mt 
Silica/ Fe2O3 
Zeolite/ Fe(NO3)3 
Fe-exchanged zeolite 
(Fe-ZSM5/ zeolite) 
Goethite (αFeOOH) 
Tri-nuclear ferric acetate 
complex ion  
Fe powder 
 
Fe3+-containing ashes 
Zero-valent iron (Fe0) 
Fe–Ce oxide 
Fe(III)oxalate/Al2O3 
Powder copper oxide (CuO) 
(Cu/Al), (Cu/Zn) 
SiO2–Fe2O3 mixed oxide  
Electric arc furnace 
Fe-exchanged zeolite  
(Fe-ZSM5/ zeolite) 
Fe2O3/carbon 
Fe/bentonite clay 
Fe/bentonite clay 
Perrioxalate /TiO2-P25 
Perrous sulphate/ TiO2-P25 
Iron-containing SBA-15 
Material 
Fe-exchanged zeolite  
(Fe-ZSM5/ zeolite) 
Fe-containing zeolites 
Laponite clay-based Fe 
 

 
Zhou et al., 2008 
Guimarães et al., 2008 
Xiaofei et al., 2008 
Makhotkina et al., 2006 
Tabet et al., 2006 
Li et al., 2007 
Johnson., 2008 
Ramirez et al., 2007 
Liu et al., 2009 
Chen et al., 2009 
Isabel Pariente et al., 2008 
Tekbaş et al., 2008 
Kasiri et al., 2008 
 
Guimarães et al., 2008 
León et al., 2008 
 
Tokumura et al., 2008 
 
Flores et al., 2008 
Chakinala et al., 2007 
Zhang et al., 2007 
Muthuvel et al., 2007 
Kim et al., 2007 
 
Martínez et al., 2005 
Mecozzi et al., 2006 
Kušić et al., 2006 
 
Dantas et al., 2006 
Feng et al., 2006a 
Feng et al., 2006b 
Selvam et al., 2005 
 
Martínez et al., 2005 
 
Rios-Enriquez et al., 2004 
 
Kuznetsova et al., 2004 
Feng et al., 2003 
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2.4 Model pollutant  

 

The elimination of organics from industrial wastewater is an important environmental 

target. It is estimated that every year more than 1000 new organic compounds are 

commercialized [Seignez et al., 1992]. The big economic profits resulting from the 

utilization of new products have usually neglected the environmental risks inherent in 

their use. Because of an increasing social and political concern on environment, the 

research field of water purification has been extensively growing in the last decades, 

comprising both polluted wastewaters and groundwaters from seas, rivers and lakes, as 

water quality control and regulations against hazardous pollutants have become stricter 

in many countries [Pera-Titus et al., 2004]. In this work we had chosen two kinds of 

representative pollutants as our model pollutants, which are widely used chemicals all 

over the world, toxic, resistant to biodegradation and hard to degradation.  

 

2.4.1 Pentachlorophenol (PCP) 

 

Pentachlorophenol (PCP) belongs to Chlorophenols (CPs) which are environmental 

pollutants of great health concerning. Among the CPs there are 19 different 

chlorophenols, 2-chlorophenol (2-CP), 2,4-dichlorophenol (2,4-DCP), 

2,4,6-trichlorophenol (2,4,6-TCP) and pentachlorophenol (PCP) have been listed by 

the US EPA as priority pollutants [Ormad, et al., 2001].  CPs is introduced into the 

environment as a result of several man-made activities. Because of their 

broad-spectrum antimicrobial properties, CPs has been used as preservative agents for 

wood, paints, vegetable fibers and leather and as disinfectants. In addition, they have 

been widely employed in many industrial processes as synthesis intermediates or as 

raw materials in the manufacturing of herbicides, fungicides, pesticides, insecticides, 

pharmaceuticals and dyes [Pera-Titus et al., 2004]. Chlorination of phenols during the 

disinfection of waste water also produces chlorophenols. CPs may be also generated as 

by-products during waste incineration, the bleaching of pulp with chlorine, and in the 
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dechlorination of drinking water [Ahlborg ad Thunberg, 1980]. 

 

Chlorophenols (CPs) constitute a particular group of priority toxic pollutants listed by 

the US EPA in the Clean Water Act [EPA, 2002; Hayward, 1998; Keith and Telliard, 

1979] and by the European Decision 2455/2001/EC [EC Decision, 2001], because 

most of them are toxic and hardly biodegradable, and are difficult to remove from the 

environment—the half-life in water can reach 3.5 months in aerobic waters for PCP 

and some years in organic sediments [Abe and Tanaka, 1997]. Because of their 

numerous origins, they can be found in ground waters, wastewaters and soils [Wegman 

and Van den Broek, 1983] and even in the trophic chain of places with very low 

pollution levels [Paasivirta  et al., 1980; WHO, 1989]. These result in contamination 

of many lakes and water streams by chlorophenols [Keating et al., 1978; Othmer et al., 

1979; Prengle et al., 1976]. Due to their toxicity, they are consequently harmful to 

human, animal, and fish that are exposed to such contaminated environments. Thus, 

the removal or destruction of these compounds by other chemical or physical means 

must be required. They might produce disagreeable taste and odor to drinking water at 

concentrations below 0.1µg L−1 [Veschueren, 1983] and adverse effects on the 

environment [Folke and Birklund, 1986]. 

 

All CPs possess bactericidal activities, phytotoxicity and ability to bioaccumulate in 

organisms that increase with increasing the chlorination and substitution away from 

the ortho-(2-) position. The higher toxicity of the more chlorinated CPs may be 

ascribed to an increase in lypophility which leads to a greater potential for uptake into 

the organism. The ortho-substituted congeners are generally of lower toxicity than the 

meta-and para-ones, because ortho-substituted chlorine seems to shield •OH group, 

which apparently interacts with the active site in aquatic organisms [Grimwood and 

Mascarenhas, 1997]. On the other hand, toxicity also depends on the extent to which 

CP molecules are dissociated, with an increasing toxicity when the pH decreases, 

because the more toxic non-dissociated forms predominate at lower pH [Pera-Titus et 
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al., 2004]. 

 

The presence of CPs has been detected in both surface and groundwaters [Howard, 

1989]. Toxic reference values of 43.8, 36.5 and 13.0µg L−1 are, respectively, suggested 

for 2-MCP, 2,4-DCP and PCP in surface waters, and maximum average values should 

not exceed 2.020, 4.380 and 0.055 mgL−1 [EPA,1992b]. The limiting permissible 

concentration of CPs in drinking water should not exceed 10µg L−1 [Shulpin et al., 

1997].  

 

Nowadays, many kinds of AOPs processes were used to degradation and 

mineralization of CPs. Among the various AOPs proposed in the literature, there are 

four main kinds [Glaze, 1994; Prousek, 1996]. They are: (1) Photolysis (UV or VUV). 

(2) Hydrogen peroxide (H2O2) (classic Fenton/Fenton-like/Photo-Fenton), (3) Ozone 

(O3) and (4) Heterogeneous catalysis + UV and photocatalysis. Pentachlorophenol 

(PCP) has been used as an industrial antiseptic and biocide for many decades since the 

1960s. Some data concerned the degradation of several CPs by Fenton-like reagents 

involving different catalytic solids with ferrous ions are summarized in Table 2.5.  
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Table 2.5. Half-life times and pseudo-first kinetic constants for degradation of CPs by 
Fenton-like reagent for different initial concentrations of CP, H2O2 and Fe2+ charge on 
the surface of the solid at pH 3.0 [Pera-Titus et al., 2004].  

CP congener Solid [CP]0 (mM) CP t1/2 (min) kCP (min−1) Reference 

2-MCP 

2-MCP 

2-MCP 

2-MCP 

2-MCP 

4-MCP 

4-MCP 

4-MCP 

4-MCP 

4-MCP 

4-MCP 

 

2,4,5-TCP 

 

GAC-Fe 

Goethite 

Goethite 

Goethite 

Goethite 

Iron powder 

Graphite-Fe 

GAC F-300 

GAC GCW 

GAC ROW 

GAC RFZ 

 

Nafion 

membrane 

- 

0.39 

0.39 

0.39 

0.31 

7.78 

7.78 

7.78 

7.78 

7.78 

7.78 

 

68.0a 

 

426 

174 

36 

30 

252 

1.5 

Not reached 

810 

311 

240 

59 

 

Not reached 

2.27 × 10-3 

2.47 × 10-2 

2.75 × 10-2 

2.24 × 10-2 

1.33 × 10-2 

1.40 × 10-2 

5..38 × 10-5 

1.32 × 10-5 

3.30 × 10-5 

6.14 × 10-5 

2.52 × 10-4 

 

- 

 

Huling et al., 2000 

Lu, 1999 

Lu, 1999 

Lu, 1999 

Lu, et al., 2002 

Lücking et al., 1998 

Lücking et al., 1998 

Lücking et al., 1998 

Lücking et al., 1998 

Lücking et al., 1998 

Lücking et al., 1998 

 

Sabhi and Kiwi, 2001 

 
a Data referred to TOC. 

 

Due to its proven carcinogenicity and toxicity, as well as the existence of a large 

number of known PCP contaminated sites, PCP has been designated as a ‘‘priority 

toxic pollutant’’ by the United States Environmental Protection Agency (EPA) under 

the guidance of the Clean Water Act in 1972 [Duan et al., 2008]. Pentachlorophenol 

(PCP) is a widespread environmental contaminant due to its use for wood preservation 

and as a pesticide. PCP contamination can be found in surface, ground waters and in 

soils, in the vicinities of past wood-treating facilities [Schellenberg et al., 1984; EPA, 

1992a]. The relative resistance of PCP to biological degradation, the reason for its use 

as a preservative, creates a serious pollution problem. Mueller et al. [Mueller et al., 

1991] and McAllister et al. [McAllister et al., 1996] found that only 42% of the PCP in 

groundwater was completely degraded after 14 days.  
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In recent years, Advanced Oxidation Processes (AOPs) has appeared as a logical 

alternative to biodegradation [Fukushima et al., 2001; Oturan et al., 2001; Hanna et al., 

2004; Hanna et al., 2005]. As we mentioned before that these processes based on 

hydroxyl radical chemistry are currently used for the destruction of organic 

compounds. The hydroxyl radicals react in a non-selective way on organic compounds 

leading finally to the mineral end-products [Shiavello, 1987]. But till now there are not 

too much work about using iron oxides/H2O2 (heterogeneous Feton-like system) to 

degradation PCP. Actually, in recent years, the degradation of PCP by Fenton’s reagent 

[Fukushima and Tatsumi, 2001; Oturan et al., 2001; Hanna et al., 2005] and 

Fenton-like system [Watts et al., 1993] was mainly reported at acidic conditions (pH = 

3-5). In contrast, the Fenton-like degradation of PCP using iron minerals at neutral pH 

was scarcely investigated. Moreover that, the role played by the adsorption at solid 

surface in the oxidation of pollutant in heterogeneous Fenton reaction is poorly 

described. And the surface interactions of species with iron surface sites involving both 

sorption and decomposition reactions are scarcely investigated [Xiaofei et al., 2009]. 

Our work focused on using heterogeneous Fenton reaction at neutral pH, to investigate 

the mechanism of oxidation of PCP. 

 

2.4.2 Rhodamine B (RhB)  

 

Millions of various colored chemical substances have been generated within the last 

century or so, 10,000 of which are industrially produced [Zollinger, 1991]. On a global 

scale, over 0.7 million tons of organic synthetic dyes are manufactured each year 

mainly for use in the textile, leather goods, industrial painting, food, plastics, 

cosmetics, and consumer electronic sectors. A sizable fraction of this is lost during the 

dying process and is released in the effluent water streams from the above industries. 

Synthetic dyes exhibit considerable structural diversity (Figure 2.12). The chemical 

classes of dyes employed more frequently on industrial scale are the azo, 
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anthraquinone, sulfur, indigoid, triphenylmethyl (trityl), and phthalocyanine 

derivatives [Forgacs et al., 2004]. Therefore, decolorization and detoxification of 

organic dye effluents have taken an increasingly important environmental significance 

in recent years [Brown et al., 1993; Rajeshwar et al., 1997]. 

 

 

 
Figure 2.3. The chemical structure of synthetic dyes most frequently studied in 

degradation experiments [Forgacs et al., 2004] 

 

 

 

Unfortunately, the exact amount of dyes produced in the world is not known. It is 
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estimated to be over 10,000 tons per year. Exact data on the quantity of dyes 

discharged in the environment are also not available. It is assumed that a loss of 1–2% 

in production and 1–10% loss in use are a fair estimate. For reactive dyes, this figure 

can be about 4%. Due to large-scale production and extensive application, synthetic 

dyes can cause considerable environmental pollution and are serious health-risk factors 

[Forgacs et al., 2004]. Color is one of the most hated pollutants, because of several 

reasons: (i) it is visible and even small quantities of dyes (≥0.005 mg/L) are not 

allowed [He et al., 2007]; (ii) color can interfere with transmission of sunlight into 

natural streams; (iii) many of the azo dyes and their intermediate products, such as 

aromatic amines, are toxic to aquatic life, carcinogenic and mutagenic to humans 

[Flores et al., 2008; Lucas and Peres, 2006; Ince et al., 1997; Chung et al., 1992]. 

Although, the growing impact of environmental protection on industrial development 

promoted the development of ecofriendly technologies [Desphande, 2001], reduced 

consumption of freshwater and lower output of wastewater [Knittel and Schollmeyer, 

1996; Petek and Glavic, 1996], the release of important amounts of synthetic dyes to 

the environment causes public concern, legislation problems and are a serious 

challenge to environmental scientists. 

 

A wide range of methods has been developed for the removal of synthetic dyes from 

waters and wastewaters to decrease their impact on the environment. Most 

conventional methods for the removal of dye pollutants such as adsorption on activated 

carbon, ultrafiltration, reverse osmosis, etc. are non-destructive and merely transfer 

pollutants from one phase (for example, aqueous) to the other (for example, adsorbent). 

Biodegradation is slow and inefficient for many azo dyes and does not work at all for 

others (for example, Acid Orange 7). Chlorination and ozonation are also relatively 

inefficient and have high operating costs [Rajeshwar et al., 2008]. Thus, Advanced 

Oxidation Processes (AOPs), which relies on the generation of hydroxyl and other 

radical species for environmental remediation, have been successfully deployed for the 

treatment of organic dye-laden waters [Brown et al., 1993; Legrini et al., 1993; Helz et 

al., 1994; Spadaro et al., 1994].  



 

 - 44 -

 

Rhodamine B (RhB), one of the most important xanthene dyes, which is highly water 

soluble, basic red dye of the xanthene class. It is found as a reddish violet power and 

comes under the trade name of D & C Red No. 19 [Jain et al. 2007]. It is widely used as 

a colorant in textiles and food stuffs, and is also a well known water tracer fluorescen 

[Richardson et al., 2004]. It is harmful if swallowed by human beings and animals, and 

causes irritation to the skin, eyes and respiratory tract [Rochat et al., 1978]. The 

carcinogenicity, reproductive and developmental toxicity, neurotoxicity and chronic 

toxicity towards humans and animals have been experimentally proven [Kornbrust and 

Barfknecht, 1985; IARC, 1987; Mirsalis et al., 1989; McGregor et al., 1991; Shimada 

et al., 1994]. Thus Rhodamine B, xanthene dye, has become a common organic 

pollutant. It is a very stable non-volatile dye usually used in factory, has a 

comparatively high resistance to photo and oxidation degradation [Mittal and 

Venkobachar, 1996; Ai et al., 2007]. It is needed to remove Rhodamine B from 

wastewaters using the efficiency way and it is meaningful to be chosen as the model 

pollutant in this work.  
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CHAPTER 3. EXPERIMENTAL MATERIAL, METHODS 

AND PROCEDURES 

 

3.1 Material 

3.1.1 Iron oxides  

Three kinds of Iron (II, III) oxide purchased from Aldrich (Chemical Co.), Prolabo 

(Chemical Co.) named M1 and M2 respectively.  

 

3.1.2 Model pollutant 

Pentachlorophenol (PCP)  

Pentachlorophenol (PCP) was procured from Sigma-Aldrich (99% purity), C6HCl5O 

mol. wt. 266.34, which is Biocide (Wood preservative) Priority organic pollutant (EPA, 

1980), Widespread in contaminated sites, Hydrophobic (very low water soluble), Weak 

acid ( pKa = 4.75), Aqueous solubility and Kow depend on pH and ionic strength.  

 

 

 

 

Rhodamine B (RhB) 

Rhodamine B C28H31N2O3Cl; mol. wt. 479; IUPAC Name N-[9- 

(ortho-carboxyphenyl)-6-(diethylamino)-3H-xanthen-3-ylidene] diethyl ammonium 

chloride) was procured from Sigma-Aldrich (>99% purity), which is a common 

organic pollutant. As the chemical structure indicated above, it is a highly water 

soluble, basic red dye of the xanthene class. It is found as a red dish violet powder and 

OH

Cl Cl

Cl

ClCl
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comes under the trade name of D & C Red No. 19. It is widely used as a colorant in 

textiles and food stuffs, and is also a well-known water tracer fluorescent [Richardson 

et al., 2004]. It is a very stable non-volatile dye usually used in factory, has a 

comparatively high resistance to photo and oxidation degradation.  

 

 

 

3.1.3 Reagents 

Hydrogen peroxide (H2O2 35% w/w) Merck 

Sodium hydroxide, Prolabo, > 97% 

Ammonium acetate, Aldrich, > 98%. 

Ferric chloride, Fluka,  >99%.  

Phosphoric acid, Sigma-Aldrich, > 85% 

Acetic acid, Aldrich, > 99%. 

Hydrochloric acid, Merck (0.1 M) 

Perchloric acid, Merck, > 97%. 

Acetonitrile Fluka, HPLC grade 

1, 10-phenanthroline Sigma, > 99%. 

Ferrous ammonium sulfate, Prolabo, >98% 

Oxalic acid, Prolabo, > 99% 

Ethylene Diamine Tetraacetic Acid (EDTA), Alfa Aesar, > 99% 

Carboxymethyl-β-cyclodextrin (CMCD), Cyclolab, > 95% 

Tartaric acid, Citric Acid, Succinic Acid, Sigma, > 99%. 

N,N-diethyl-p-phenylenediamine, Sigma-Aldrich, > 99%  

Horseradish peroxidase, Sigma-Aldrich, > 99% 



 

 - 48 -

Disodium hydrogen phosphate, Fischer Scientific 

Sodium dihydrogen phosphate, Prolabo, > 99% 

Ferrous sulfate, Alfa Aesar, > 99% 

Ferric sulphate, Prolabo, > 99% 

Ammonium acetate, Aldrich, > 98% 

All solutions and suspensions were prepared from 18 MΩ/cm resistivity water (Mini-Q, 

Millipore) 

 

3.2 Preparation of solution 

3.2.1 Preparation the stock solution 

 

(a) Pentachlorophenol (PCP) stock solution 

0.1g of Pentachlorophenol was diluted to 1000 ml by using appropriate of Milli-Q 

water and set the pH of the stock solution at 10 at room temperature, protecting the 

light and stirring over night to get the desired concentration of Pentachlorophenol.  

 

(b) Rhodamine B (RhB) stock solution 

4.79g of Rhodamine B was diluted to 1000 ml by using appropriate of Milli-Q water 

into glass flask at room temperature, protecting the light and stirring until the total 

chemical dissolved. 

 

(c) Ferrous iron stock solution 

2.78g of ferrous sulfate (FeSO4·7H2O) was diluted to 1000 ml by using appropriate 

volume of Milli-Q water into glass flask at room temperature, protecting the light and 

stirring until the total chemical dissolved. 

  

(d) Ferric iron stock solution 

3.998g of ferric sulphate Fe2(SO4)3 was diluted to 1000 ml by using appropriate 
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volume of Milli-Q water into glass flask at room temperature, protecting the light and 

stirring until the total chemical dissolved. 

 

(e) N,N-diethyl-p-phenylenediamine (DPD) stock solution 

0.1g of N,N-diethyl-p-phenylenediamine dissolved by using appropriate volume of 

0.1 M H2SO4 solution to make the stock solution, and then keep the solution 

immediately in the dark at 5�. The solution should be refreshed at most two weeks 

from the day prepared. 

 

(f) Horseradish peroxidase (POD) stock solution 

10 mg horseradish peroxidase was dissolved in 10 ml of Milli-Q water, the solution 

immediately in the dark at 5�. The solution should be refreshed at most two weeks 

from the day prepared. 

 

(g) Phosphate buffer solution (pH 6) 

12.3% of Na2HPO4•2H2O (0.2mol/L) solution mixed with 87.7% of NaH2PO4•2H2O 

(0.2mol/L) solution into glass flask at room temperature. 

 

(h) Ammonium acetate buffer 

24g NH4C2H3O2 was dissolved into 15ml of Milli-Q water mixed with 75ml of acetic 

acid solution into glass flask at room temperature. 

 

(i) 1, 10-phenanthroline stock solution 

0.1g of 1, 10-phenanthroline was diluted to 100 ml by using appropriate volume of 

acidification Milli-Q water (two drop of hydrochloric acid) into glass flask at room 

temperature, protecting the light and stirring until the total chemical dissolved. 

 

 

(j) Ethylene Diamine Tetraacetic Acid (EDTA) stock solution 

29.22g of ethylene diamine tetraacetic Acid was diluted to 1000 ml by using 
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appropriate volume of Milli-Q water. 

 

(k) Carboxymethyl-β-cyclodextrin (CMCD) stock solution 

7.4g of carboxymethyl-β-cyclodextrin was diluted to 50 ml by using appropriate 

volume of Milli-Q water. 

 

(l) Oxalic acid stock solution 

9.00g of ethylene diamine tetraacetic Acid was diluted to 1000 ml by using appropriate 

volume of a Milli-Q water. 

 

(m) Tartaric Acid stock solution 

15.01g of ethylene diamine tetraacetic Acid was diluted to 1000 ml by using 

appropriate volume of Milli-Q water. 

 

(n) Citric Acid stock solution 

19.21g of ethylene diamine tetraacetic Acid was diluted to 1000 ml by using 

appropriate volume of Milli-Q water. 

 

(o) Succinic Acid stock solution 

11.81g of ethylene diamine tetraacetic Acid was diluted to 1000 ml by using 

appropriate volume of Milli-Q water. 

 

3.2.2 Preparation of the reaction solution 

 

(a) Preparation of homogeneous Fenton-like solution 

 

After calculation of each experiment, then take the appropriate volume of rhodamine B 

(RhB) stock solution or pentachlorophenol (PCP) stock solution, and after that add 

appropriate volume of ferrous iron stock solution or ferric iron stock solution, at the 
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end add appropriate amount of H2O2 into the mixed solution. The total amount of 

solution was fixed using Milli-Q water. The pH was set at 7. The reaction solution of 

each experiment was freshly prepared. 

 

(b) Preparation of heterogeneous Fenton-like solution  

 

After calculation of each experiment, then take the appropriate volume of rhodamine B 

(RhB) stock solution or pentachlorophenol (PCP) stock solution (The pH was set at 7), 

after that put appropriate amount of iron oxides into the solution and stirring for 1h to 

let the pollutant adsorbed onto the surface of iron oxides reach equilibrium. At the end 

add appropriate amount of H2O2 into the solution to start the reaction (check the pH 

and set at 7 again). 

 

(c) Preparation of heterogeneous Fenton-like solution under using of chelating 

agent 

 

After calculation of each experiment, the solution was prepared like the step: (a) take 

the appropriate volume of rhodamine B (RhB) stock solution or pentachlorophenol 

(PCP) stock solution, (2) put appropriate amount of iron oxides into the solution, (3) 

add appropriate amount of chelating agent, (4) pH was set at 7 and after that stir for 1h, 

(5) add appropriate amount of H2O2 to start the reaction (check the pH set at 7 again). 

 

 

3.3 Reactor of the experiment 
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Firgue 3.1. The reactor of the experiment 

 

It can be seen form Firgue 3.1, the experiment was carried out in a home-made reactor. 

Outside the reactor there is a water bath shell to keep the reaction solution at a fixed 

temperature. Out side the bottom of the reactor is a magnetic stirrer which used to let 

the reaction solution equal to any part. Outside all these there is a light protecting shell 

to protect any light from the reaction. The pH meter was used to check the pH of the 

solution periodically, and then modified the pH to 7.  

 

 

3.4 Analytical method 

 

 

3.4.1 PCP analysis by reversed phase liquid chromatography (HPLC) 
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The decay of PCP was followed by reversed phase liquid chromatography (HPLC) 

with a Waters HPLC Detector (486) fitted with a C-18 column (250 mm×4.6 mm i.d., 

5 µm). The mobile phase was a mixture of water/acetonitrile (40:60 v/v) and pH at 3 

(using acetic acid). The flow rate of the mobile phase was set at 2.5 mL min−1 in the 

isocratic mode. Detection was carried out at 238 nm. AT this machine condition the 

main peak of the PCP was shown at 2.5-3min, and the concentration of the PCP in the 

solution was determined by the peak area which calculated by the detector. The PCP 

degradation was used in the study, which is defined as follows: 

 

PCP degradation ratio = (1- Ct/C0) × 100% 

 

where Ct and C0 are the concentration of PCP at the reaction time t and 0 respectively. 

The calibration curve was prepared using different concentration of RhB, which was 

showed in Figure 3.2. 
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Figure 3.2. Calibration curve of PCP 
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3.4.2 RhB analysis by UV–Vis spectrophotometer 

 

RhB concentration in solution was determined by measuring the absorbance using a 

UV-Vis spectrophotometer (Perkin-Elmer) at 554nm, using a 1 cm quartz cell. 

The UV-VIS spectra of the RhB azo was recorded from 200 to 800nm using UV-Vis 

spectrophotometer (Perkin-Elmer). The concentration of RhB in water was determined 

by the absorption intensity at λmax. The RhB degradation was used in the study, which 

is defined as follows: 

 

RhB decolorization = (1- Ct/C0) × 100% 

 

where Ct and C0 are the concentration of RhB at λmax of the reaction time t and 0 

respectively. The calibration curve was prepared by using different concentration of 

RhB, which was showed in Figure 3.3. 
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Figure 3.3. Calibration curve of RhB. 
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3.4.3 H2O2 analysis by UV–Vis spectrophotometer using modified 

N,N-diethyl-p-phenylenediamine (DPD) method 

H2O2 was measured using the modified N,N-diethyl-p-phenylenediamine DPD method 

[Wu et al., 2006].  

 

Figure 3.4. The reaction of the DPD method [Bader et al., 1988]. 

This method is based on the horseradish peroxidase (POD)-catalyzed oxidation by 

H2O2 of N,N-diethyl-p-phenylenediamine (DPD) Figure 3.4. This method measures 

H2O2 concentrations over the range 5–50 µmol L−1. Because the H2O2 concentrations 

in the experimental reactors were above this range, each sample was diluted. The steps 

to prepare the solution and then to detected were shown from (1) to (6). Before the 

experiment all glassware was throughly washed hydrochloric acid and rinsed with 

Mini-Q water for dilution. Any contact of samples with metal surfaces was avoied and 

Eppendorf pipettes with plasitic tips were used. 

(1) Dilute the samples. 

(2) 0.5 ml of phosphate buffer (pH 6.0) and 5 ml aliquot of diluted sample was mixed 

in the reaction vial.  

(3) An aliquot of 50 µL of DPD reagent (3.8 × 10−2 M in 0.1 M H2SO4)  
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(4) An aliquot of 50 µL (100 units mL−1) horseradish peroxidase were then added to 

reaction vial.  

(5) The cell was manually shaken for a minute for color development.  

(6) Absorbance readings were taken at 551 nm using a UV–Vis spectrophotometer. 

A series of iron standards is measured at wavelength of 551nm and a calibration plot of 

absorbance vs. concentration is prepared in the Figure 3.5: 
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Figure 3.5. Calibration curve of H2O2 

 

3.4.4 Dissolved ferrous iron (Fe
II

) analysis by UV–Vis 

spectrophotometer using 1, 10-phenanthroline method 

 

Ferrous iron was measured using the modified method 1, 10-phenanthroline. This 

experiment was determined by firstly, the ferrous iron react with 1, 10-phenanthroline 

to form a colored complex and then measuring the amount of light absorbed by this 
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complex using the machine Agilent 8543 spectrophotometer fixing λ at 510 nm. The 

ferrous iron of plotting the calibration curve was from the ferrous ammonium sulfate 

(Fe(NH4)2(SO4)2 6H2O) salt.  

The reaction ferrous iron complex with 1, 10-phenanthroline can be showed like the 

Figure 3.6:  

 

Figure 3.6. Reaction between Fe2+ and 1, 10-phenanthroline. 

 

After the colored complex was formed, the wavelength of light which is most strongly 

absorbed is found by measuring the absorbance at various wavelengths between 400 

-600 nm. The most suitable wavelength of the complex was taken at 510 nm. A series 

of iron standards is measured at this wavelength and a calibration plot of absorbance vs. 

concentration is prepared (Figure 3.7). The absorbance of the unknown sample is 

measured and the calibration curve is used to calculate the concentration of iron in the 

sample. The exact step to detect the ferrous iron in the solution is: 

 

(1) Take the sample from the reactor 

(2) Add appropriate volume of hydrochloric acid 

(3) Add appropriate volume of 1, 10-phenanthroline stock solution. 
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(4) Add appropriate volume of ammonium acetate buffer. 

(5) Fixed the total volume of the sample at 100ml  

(6) Detect the sample by the UV-Vis spectrophotometer (Perkin-Elmer) at 510 nm 
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Figure 3.7. Calibration curve of the dissolved ferrous iron. 

 

3.4.5 Total dissolved iron analysis by ICP 

 

Total aqueous iron after dissolution was determined by inductively coupled plasma 

emission spectroscopy (ICP-AES) (Jobin Yvon-ULTIMA). The measured spectral 

element line was 259.941 nm. The RF power was set to 1000 W, the plasma gas was 15 

L Ar min-1, whereas the nebulizer gas was 600 mL Ar min-1. The samples should be 

detected under the dissolved state and the sample introduction was performed by a 

peristaltic pump, connected to a Meinhard nebulizer which fitted into a cyclone spray 

chamber. Actually, the atoms in the plasma emit light with characteristic wavelengths 

for each element. This light is recorded by one or more optical spectrometers and when 
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calibrated against standards the technique provides a quantitative analysis of the 

original sample. The total dissolved iron in our experiment was detect follow the 

procedure: (1) Take the sample form the experiment reactor. (2) Filter the samples with 

the 0.22µm filter. (3) Add one drop of concentrated hydrochloric acid. (4) Diluted the 

samples by Mini-Q water. (4) Ddetected by the machine. The Figure showed the 

calibration curve of the total dissolved iron given by the machine. 
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Figure 3.8. Calibration curve of the total dissolved iron in solution. 

 

3.4.6 Total organic carbon (TOC) determination 

 

Mineralization of pollutants was monitored by measuring the total organic carbon 

(TOC) via a Shimadzu Model TOC-5000 equipped with an automatic sample injector. 

The injection volume was 20 µL. Total organic carbon was determined with a 

Shimadzu Total Organic Carbon Analyzer. 

 

3.4.7 Chloride analysis by ion chromatograph (IC) 

 

The aqueous concentration of chloride ions released during electrolysis was measured 
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by ion chromatography (Dionex 200), fitted with an anionic exchange column 

(IonPack AS-14- Dionex) and coupled with a conductivity detector. The mobile phase 

was a mixture of 3.5 mmol L−1 sodium carbonate and 10 mmol L−1 sodium 

hydrogenocarbonate solution with a flow rate of 1.2 mL min−1. The injection volume 

was 20 µL. 

 

3.4.8 Short chain carboxylic acids analysis by ion exclusion 

chromatography 

 

Short chain carboxylic acids were identified and quantified by ion exclusion 

chromatography fitted with a 300 × 6.5 mm i.d. column in conjunction with a Waters 

UV detector selected at λ = 204 nm. The mobile phase consisted of water containing 

290 µg L-1 sulfuric acid at a flow rate of 0.6 mL min-1.  

 

3.4.9 pH measurement 

 

The pH value of the suspension was adjusted with titrant solutions (HCl or NaOH) and 

recorded with the Orion pH meter model 710A having combination glass electrode. 

 

3.4.10 Eelectrophoretic mobility 

 

The electrophoretic mobility of the particles was measured with a Malvern Zetasizer 

(NanoZS) as a function of pH in 10 mM NaCl solution and then the zeta potential was 

calculated from the electrophoretic mobility. 

The iso-electric point (IEP) of iron oxide is in agreement with the point of zero charge 

(PZC) determined by potentiometric titration. 
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3.4.11 Pollutant decomposition on the iron oxide surface analysis by 

Raman spectroscopy 

 

Raman spectra were recorded with a triple-subtractive-monochromator Jobin Yvon 

T64000 spectrometer equipped with a confocal microscope. The detector was a 

charged-coupled device (CCD) cooled by liquid nitrogen. The Raman spectra were 

excited by a laser beam at 514 nm emitted by an Argon Laser (Stabilite 2017, Spectra 

Physics), focused on samples with a diameter of about 0.8 mm and a power of about 

2.0mW on the sample. The Raman backscattering was collected through the 

microscope objective (x100, numerical aperture of 0.95) and dispersed by a 1800 

groves/mm grating to obtain 2.7 cm-1 spectral resolution. 

 

3.4.12 Pollutant sorbed analysis by FTIR 

 

A Fourier transform infrared spectrometer Perkin-Elmer 2000, equipped with a KBr 

beam splitter and a MCT detector, was also used for sorption characterization by 

vibrational spectroscopy. The spectral resolution and the total acquisition time were 

respectively 4 cm-1 and 5 min. FTIR spectra in diffuse reflectance mode were collected 

using Harrick DRA-2CI equipment. To perform the analysis, the solid samples were 

first diluted in a KBr matrix (5 wt.%) which was spectroscopically pure dry KBr. The 

samples were mixed very gently with KBr in an agate mortar; so that these mixtures 

were not subjected to any elevated pressures. The reflectances (Rs) of the sample and 

(Rr) of pure KBr, used as a non-absorbing reference powder, were measured under the 

same conditions. The iron hydroxide reflectance is defined as R = Rs/Rr. The spectra is 

shown in pseudo-absorbance (-logR) mode. 

 

3.5 Iron oxides characterization 
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3.5.1 Semi-quantitative surface composition and chemical state of 

iron oxides analysis by X-ray photoelectron spectroscopy (XPS) 

 

X-ray photoelectron spectroscopy (XPS) was performed with a KRATOS Axis Ultra 

X-ray photoelectron spectrometer with a monochromatized Al Ka X-ray source (hn ¼ 

486.6 eV) operated at 150W. XPS is sensitive to the outermost layer of solid sample 

and provides both semi-quantitative surface composition and chemical state 

information. In addition, the XPS analysis was very important in verifying the 

oxidation state of iron at the solid surface.  

 

3.5.2 Specific surface area of iron oxides analysis by multipoint 

N2–BET  

 

The specific surface area of magnetite was determined by multipoint N2–BET 

(Brunauer–Emmett–Teller) analysis using a Coulter (SA 3100) surface area analyzer. 

The particle size distribution was measured by a dynamic light-scattering method 

using Laser scattering particle size (HARIBA, LA 200). The site density or the 

concentration of the replaceable surface groups of magnetite was determined by 

measurement of the amount of fluoride adsorption on the surface [Sigg and Stumm, 

1981]. Potentiometric titrations of the oxide were conducted in thermostated double 

walled pyrex cell at 293 K in 0.001, 0.01 and 0.1 M NaCl solutions according to the 

method of Parks and Bruyn [Parks and Bruyn, 1962]. The N2 gas was constantly 

passed through the suspensions to bubble out the CO2. 

 

 

3.5.3 Characterization of iron oxides by Mössbauer spectra 
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The Mössbauer spectra were recorded with MIMOSII, which is designed and 

fabricated at the university Mainz in Germany [Klingelhöfer et al., 2004] and was 

originally developed for the exploration of the planet Mars. The instrument is 

operating in backscattering geometry measuring the scattered 14.41 keV Mössbauer 

radiation and the 6.4 keV Fe X-rays. The main parts of the instrument are the gamma 

and the X-ray detector, the 57Co Mössbauer source (50 mCi), which is embedded in a 

rhodium metal matrix attached to a titanium holder, the Mössbauer drive and its 

control unit and the data acquisition and spectrometer control unit. Four Si-PIN-diodes 

were selected as detectors to detect backscattered radiation from the sample and was 

configured to select only 14.4 keV. Measurements were done by placing the detector 

head against the mylar window of a cell in Plexiglas which contains the sample. The 

spectra were fitted with the Recoil Software of Lagarec and Rancourt [Lagarec et al., 

1997], using the Lorentzian model. The parameters resulting from any computer fitting 

must be mathematically and physically significant (chi2 minimization). 

 

3.5.4 Crystal structure of iron oxides analysis by X-ray powder 

diffraction (XRD) 

 

In order to identify the crystal structure of mineral, sample of solid was analyzed by 

X-ray powder diffraction (XRD). The XRD data were collected with a D8 Bruker 

diffractometer, equipped with a monochromator and a position-sensitive detector. The 

X-ray source was a Co anode (λ = 0.17902 nm). The diffractogram was recorded in the 

3-64° 2θ range, with a 0.0359° step size and a collecting of 3s per point.  

 

 

3.6 Experimental Procedure 
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3.6.1 Sorption experiments 

All equilibrium sorption experiments were conducted at 20°C in the dark at neutral pH. 

The solid samples were mixed with variable solute concentrations. Results of 

adsorption kinetic experiments indicated that sorption equilibrium was achieved within 

2h. Before analysis, the suspensions were centrifuged and were filtered through 0.22 

m polyvinylidene fluoride (PVDF) syringe filters (Millipore) that were shown not to 

sorb PCP. The filtrate samples were analyzed by UV–visible spectroscopy and sorbed 

concentrations were calculated by difference according to: 

  

                          

(3.1) 

 

where qe (mmol m-2) is the sorbed concentration, Ce (mmol L-1) is the equilibrium 

concentration at the end of the experiment, Ci (mmol L-1) is the initial aqueous phase 

concentration, V (L) is the volume of solution, Ms (g) is the mass of solid sorbent, and 

A (m2 g-1) is the sorbent specific surface area. The sorption equilibrium experiments 

were performed in triplicate. The standard deviation of the three replicates was less 

than 4%.  

 

3.6.2 Oxidation experiments 

 

Firstly, iron oxide was added into the prepared solution, the pollutant and the iron 

oxide were stirred for 2h to ensure the adsorption equilibrium in the dark. After this 

period, 3 mL aliquot was withdrawn filtered to determine the concentration C0 and 

then the oxidant was added to the suspension. The solution pH was adjusted to 7 and 

kept within 0.1 pH units of this value with diluted solutions of HClO4 and NaOH 

during the experiments.  
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During all the oxidation reactions, 3 mL aliquots were withdrawn at selected time 

intervals, filtered and analyzed, and also the pH was adjusted to 7 with diluted 

solutions of HClO4 and NaOH during the experiments periodic at the same time when 

take the samples. When H2O2 was used as an oxidant in the absence of catalyst, 

oxidation of the starting compound was always negligible. All experimental runs were 

performed within a temperature of 20°C in the absence of light. Each experiment was 

achieved in triplicates. All results were expressed as a mean value of the 3 

experiments. 

 

Raman spectroscopy was used to monitor the pollutant concentration on the oxide 

surface in magnetite/H2O2 aqueous suspension. Solid is easily removed from the 

reactor, and then put into a clean and dry glass flake, dried in the glove box (protecting 

the light) under N2 and stored at ambient temperature.  

 

3.6.3 Oxidation experiment in the presence of chelating agent 

 

All equilibrium sorption experiments were conducted at 20°C in the dark at neutral pH. 

The solid samples were mixed with variable solute concentrations. Results of 

adsorption kinetic experiments indicated that sorption equilibrium was achieved within 

2h. The sorption equilibrium experiments were performed in triplicate. The standard 

deviation of the three replicates was less than 4%.  

 

Prior to oxidation experiments, the PCP solution and the oxide were stirred for 2h to 

ensure the adsorption equilibrium. After this period, 3 mL aliquot was withdrawn to 

determine the concentration C0 and then the chelating agent or the oxidant was added 

to the suspension. The solution pH was adjusted to 7 and kept within 0.1 pH units with 

diluted solutions of HClO4 and NaOH during the experiments. 
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During all the oxidation reactions, 3 mL aliquots were withdrawn at selected time 

intervals, filtered and analyzed. When H2O2 was used as an oxidant in the absence of 

catalyst, oxidation of the starting compound was always negligible. All experimental 

runs were performed within a temperature of 20°C in the absence of light. Each 

experiment was achieved in triplicates, all results were expressed as a mean value of 

the 3 experiments. 

 

In addition, the Fe leaching behavior from solids or magnetite dissolution was 

evaluated along the experiments under different conditions. Inductively coupled 

plasma emission spectroscopy (ICP/AES) (Jobin Yvon-ULTIMA) (detection limit 

1.5µg L-1) was used to monitor the Fe concentration in reaction solution versus time. 
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CHAPTER 4. RESULTS AND DISCUSSTION 

 

4.1 Fenton-like oxidation of Rhodamine B in the presence of two 

types of iron (II, III) oxide 

 

4.1.1 Introduction 

 

In this work, two mixed iron (II, III) oxides were selected to study the heterogeneous 

Fenton-like reaction. In addition to their structural FeII content, these oxides were 

chosen because of their different crystallinity and surface area, which could affect their 

catalytic properties. The catalytic performance of iron (II, III) oxides was tested by 

taking into account their reactivity for oxidation of RhB used as model compound. In 

this study, the decolourization rate of RhB solution in an iron oxide/H2O2 system was 

investigated at different amounts of H2O2 and exposed surface area per unit volume.  

 

In order to evaluate the role of adsorption in the disappearance of pollutant in 

heterogeneous Fenton reaction, sorption experiments were conducted under various 

chemical conditions (sorbate concentration, pH, ionic strength). FTIR analysis was 

also investigated to describe the binding mechanism of RhB on the surface of iron 

oxide.  

 

In fact, the deactivation of surface catalytic sites may be caused by the 

adsorption/oxidation process and/or solid-dissolution reaction in medium [Valentine 

and Wang, 1998; Barrault et al., 2000]. For this reason, XRD analysis was used to 

analyze the iron oxide structure before and after exposure to H2O2. In addition, the 

dissolution of iron form oxide structure was tested by chemical analyses and the 

presence of residue of organic compound on the oxide surface was tested by FTIR 
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analysis.   

 

4.1.2 Characterization of solid samples 

 

The diffractograms of both iron oxides are shown in Figure 4.1. Five diffraction peaks 

at 2θ = 21.2 , 35 , 41.2°, 50.4° and 62.8° are shown in the XRD diffractogram 

(Figure 4.1), which could be assigned to Fe3O4, magnetite [Schwertmann and Cornell, 

2000]. The d-space values of theses main peaks were 2.53, 2.96, 2.09, 4.85 and 1.71 Å 

which may correspond to the more intense lines 311, 220, 400, 111 and 422, 

respectively of magnetite [Schwertmann and Cornell, 2000]. Therefore, the spectra of 

solid M2 may correspond to that of the magnetite [Schwertmann and Cornell, 2000], 

which can be confirmed by Mössbauer analysis (Figure 4.2). It should be noted that the 

XRD pattern of M1 shows the same peaks which are less intense. The broad nature and 

low intensity of the peaks in the spectra of M1 can result from nanosized particles 

(Table 4.1) which may exhibit a poor crystallinity [Schwertmann and Cornell, 2000; 

Xuan et al., 2007]. Some surface properties of two iron oxides are reported in Table 

4.1. 
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Figure 4.1. XRD of M1 and M2. 

 

Table 4.1. Physicochemical properties of two investigated oxides 

Solid 
Fetot 

wt% 

 

FeII/FeIII 

ratio 

Mean 

particle 

diameter 

 

SSA 

m²/g 

Site 

Density 

µmol/m2 
PZC 

 

IEP 

 

M1 

 

 

70 ± 2 

 

0.24 ± 0.2 

 

< 50 nm 

 

 

40 ± 3 

 

1.7 ± 0.1 

 

7.8 

 

8.0 

 

M2 

 

 

70 ± 2 

 

0.43 ± 0.2 

 

< 5 µm 

 

2.4 ± 0.2 

 

3.6 ± 0.2 

 

7.4 

 

7.2 
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Figure 4.2. Mössbauer spectra data about two kinds of iron oxides used in this work 

(M1 and M2). 
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4.1.3 Sorption of RhB on M1 and M2  

 

Sorption isotherms were determined to assess RhB distribution between solid and 

aqueous phases and to investigate the effect of contaminant sorption on the catalytic 

oxidation (Figure. 4.3). The experimental isotherm data were fitted to the equations of 

Langmuir, Freundlich and Tempkin by applying linear regression analysis. One way to 

asses the goodness of fit of experimental isotherm data to these equations is to perform 

an analysis of variance (ANOVA) with error calculation. On the basis of the statistic 

analysis, the curves were shown a best fit with Langmuir model for both solids. The 

linear form of the Langmuir equation is given by: 

 

e

L

L

Le

e C
K

a

Kq

C
+=

1
                               (4.1) 

 

where aL (L/mmol) and KL (L/m2) are the Langmuir isotherm constants. Langmuir 

monolayer sorption capacity (mmol/m2) is numerically equal to KL/aL. An increasing 

in RhB concentration showed a progressive saturation of the surface sites. On surface 

area basis, the sorption intrinsic capacity of M2 is higher than of M1. The Langmuir 

isotherm constants obtained by plotting Ce/qe against Ce are aL = 36 L/mmol and KL = 

0.0095L/m2 for M1, aL =153.5L/mmol and KL = 0.101 L/m2 for M2.  
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Figure 4.3. Sorption isotherms of RhB on the surface of M1 and M2 at pH7. 

 

In general, the sorption behavior versus pH could be attributed to a combination of 

pH-dependent speciation of sorbate, surface charge characteristics of the mineral 

oxides. For M1, RhB sorption onto oxides slightly increased with increasing pH from 3 

to 7, while it decreased with increasing pH for solid M2 (Figure 4.4a.). No electrostatic 

interactions between the carboxyl groups in the dye (pKa 6.41) and positively charged 

iron sites are expected. Above pH7, the sorption stayed almost constant for both solids, 

even though both sorbate and surface sorbent were negatively charged. The surface 

charge of solids deduced from the zeta potential curve varies from positive to negative, 

according to the point of zero charge due to deprotonation of surface hydroxyls (Figure 

4.4b). Therefore, no electrostatic repulsions between the increasingly negative surface 

charge and the deprotonated carboxylic group of RhB are expected. This data was not 

consistent with some studies where the adsorption envelope of organic acids bound to 

iron oxide typically showed maximum adsorption at a pH near the pKa [Hanna, 2007; 

Hanna and Carteret, 2007; refs cited in Hanna and Carteret, 2007].  
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Figure 4.4. RhB sorption (a) and Zeta potential measurements (b) versus pH of both 

iron oxides. 
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Effect of ionic strength on RhB sorption was investigated by conducting sorption 

equilibrium experiment at different NaCl concentrations (from 1 to 100 mM of NaCl) 

at 20°C. Less than 5 % of sorption was decreased by the introduction of NaCl ions, 

implying that the ionic strength did not affect the sorption behavior to iron oxide 

surface. Because Cl- can associate with the iron oxide surface as outer-sphere 

complexes and RhB sorption was independent on ionic strength including NaCl, it can 

be concluded that sorption mechanism of RhB on oxide surfaces was stronger than 

non-specific electrostatic interactions or outer-sphere complexes. In accord with all 

data listed above, the surface complexation mechanism was expected for RhB sorption 

on both iron oxides. By analogous structure with some carboxylate compounds, the 

adsorption of RhB expected to occur via the carboxylic group of RhB through the 

formation of a mononuclear monodentate complex with iron surface sites [Hanna and 

Carteret, 2007; refs cited in Hanna and Carteret, 2007]. The IR spectra of RhB 

equilibrated with iron oxide were recorded at wavelength range 2000-1000 cm-1 at two 

pH values 3 and 7 (Figure 4.5). The peaks at 1592 cm−1 and at around 1500 cm−1 

correspond to aromatic ring vibrations, while the 1345 cm−1 peak attributes to C-aryl 

bond vibration. The peak at 1648 cm−1 is caused by vibrations of the C–N bond [Mittal 

and Venkobachar 1996]. The C=O is associated with the band at 1694 cm-1 and the 

C-OH bond with the group of bands in the range 1088-1300 cm-1 [Nakomoto, 1986]. In 

fact, it was not possible from the FTIR results to determine the preferred binding site 

for RhB sorption. The IR spectra of functional groups of RhB onto iron oxide surface 

is unchanged with the pH increasing. The overall intensity of adsorbate spectra 

depended on solid type and pH value, corroborating the batch sorption data.  No 

significant difference of RhB sorbed spectrum was observed for M1 or M2, so the 

same type of surface complex may occur on the surface of both iron oxides. So, the 

sorption mechanism of RhB on both oxides seems to be identical at both studied pH 

even though the sorption edges did not revealed a similar trend. 
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Figure 4.5. Infrared spectra of solid samples equilibrated in the dark in RhB (5mM) at 

two pH values (pH 3, pH 7). 

 

4.1.4 Effect of H2O2 dose on decolorisation rate of RhB solution at 

neutral pH 

The oxidation kinetics was studied to quantitatively characterize the decolourization at 

neutral pH in the presence of 2g/L of iron oxide. Preliminary test showed no 

significant photochemical reaction of RhB was observed by natural light under our 

experimental conditions. 

Hydroxyl radical can be generated by the reaction between hydrogen peroxide and iron 

surface leading to a decolourization of RhB solution. The degradation of organic 

compounds by HO. is typically described as a second-order reaction: 

      (4.2) 

[ ].
HOkC

dt

dC
−=
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where C and [HO.] are concentrations of RhB in water and hydroxyl radical, 

respectively, k is the second-order rate constant, and t is the reaction time. By assuming 

that HO. instantaneous concentration is constant, the kinetics of decolourization of 

RhB in water can be described according to the pseudo-first-order equation as given 

below : 

                      

                                                             (4.3) 

Where C0 is the initial concentration of RhB and kapp is the pseudo-first-order apparent 

rate constant (min-1). The kapp constants were obtained from the slopes of the straight 

lines by plotting -ln(Ct/C0) as a function of time t, through regression.   
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Figure 4.6. Effect of H2O2 /Fe ratio on the decolourization kinetic constant of RhB. 

H2O2/Fe (molar ratio) = 5-150, [RhB] = 5 mg L-1, [Iron (II, III) oxide] = 2g L-1, 20°C, 

pH7.  

 

 

)exp(0 tkCC appt −=



 

 - 78 -

The kinetic constants rate kapp were determined at different H2O2 concentrations 

(Figure 4.6). At all range of H2O2/Fe ratio, M2 exhibits better oxidation capacity than 

M1. From the figure it is clear that when the H2O2 /Fe ratio was 5, the kapp were 0.0015 

and 0.003 for M1 and M2 respectively. The oxidation efficiency of M2 was two times 

bigger compared with M1. While, when the H2O2 /Fe ratio rise up and reach to 100, the 

kapp were 0.00326 and 0.011 for M1 and M2 respectively. So at the ratio 100, the 

degradation efficiency of RhB when using the M2 is more than 3 times bigger than 

using the M1. That indicated the higher ratio the better degradation efficiency it will 

reached compared M2 with M1.  

 

Since the decolourization of RhB solution is directly related to the concentration of the 

hydroxyl radicals produced by the catalytic decomposition of hydrogen peroxide, more 

RhB decomposition is expected when hydrogen peroxide dosage increases. Usually it 

has been observed that the percentage degradation of the pollutant increases with an 

increase in the dosage of hydrogen peroxide (Lin and Peng, 1995; Lin and Lo, 1997; 

Kwon et al., 1999; Lin et al., 1999; Kang and Hwang, 2000; Rivas et al., 2001). 

However, in our experiment it is clear that a decrease in the values of kapp was observed 

at a much higher H2O2 concentration (Figure 4.6). The occurrence of this optimum 

H2O2 concentration for the effective degradation of the dye could be explained by the 

scavenging effect of hydroxyl radicals by hydrogen peroxide. The excessive dosage of 

H2O2 will make a competition between decomposition of RhB and H2O2 it self. Similar 

observation was noted earlier for the degradation of organic compounds by Fenton-like 

reactions using goethite as catalyst [Wu et al., 2006]. At low H2O2 concentration, the 

HO. radicals preferentially attack the substrate molecules, whereas at higher H2O2 

concentration, there is a competitive reaction between the substrate and H2O2. The •OH 

radical may react with hydrogen peroxide producing superoxide/hydroperoxy radicals 

according to Eq. (4.4): 

 

•OH + H2O2   →   HO2
•/O2

•− + H2O                                 (4.4) 
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Buxton et al. [Buxton et al., 1988] have determined the reaction rate of H2O2 with 

hydroxyl radical (k= 2.7x107 M-1s-1). Because the pKa of HO2
•/O2

•− is 4.8, generation 

of hydroperoxide anion HO2
• may be neglected at neutral pH. The generated radicals 

O2
•− are much less reactive and do not contribute to any oxidation of RhB [Lin and 

Gurol, 1998]. O2
•− plays an important role in the redox cycle of Fe2+ and Fe3+ in 

aqueous phase and generates oxygen as a byproduct but the interactions of 

superoxide/hydroperoxy radicals with the iron mineral surface are not yet well argued : 

 

O2
•− + Fe3+   →   O2   +   Fe2+                                       (4.5) 

 

HO2
• / O2

•− + Fe2+   →   HO2
-   +   Fe3+                  (4.6) 

 

4.1.5 H2O2 decomposition and RhB removal versus exposed surface 

area per unit volume 

 

The H2O2 decomposition versus time at various surface area for M1 (A) and M2 (B) is 

presented in Figure 4.7. Good linear plot obtained with the expressions of 

ln([H2O2]/[ H2O2]0) as a function of the reaction time, indicates that the H2O2 

decomposition is the first order reaction.  

 

                                      (4.7) 

 

Where 

  

[SSA] means the amount of specific surface area par unit volume (m2/L). The H2O2 

decomposition rate kapp (min-1) was plotted as a function of [SSA] (Figure 4.9). The 

good linear relationship (R2=0.99) between the rate constant and [SSA] indicates that 

the H2O2 decomposition is the first order reaction with oxide surface area. The results 

clearly indicate that this is the surface reaction because the increase of surface area 

][
][

22
22 OHk

dt

OHd
app−=

][SSAkkapp =
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provides more active sites for catalytic oxidation. The second order rate constant (k) 

obtained from the plot of observed first-order rate constant for H2O2 decomposition 

versus [SSA] is 3.10-4 min-1 (m2/L)-1 for M2 and 8.10-5 min-1 (m2/L)-1 for M1. The 

H2O2 decomposition versus time at 1g/L for both oxides is shown in Figure 4.8. As for 

sorption rate, the H2O2 decomposition rate was higher for M2 than M1 based on 

surface area basis, while the trend is opposite based on mass basis.  
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Figure 4.7. H2O2 decomposition at various [SSA] of M1 (a) and M2 (b). [H2O2] =1 
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mM, 20°C, pH7. 
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Figure 4.8. H2O2 decomposition at 1g/L of both solids (M1, and M2). [H2O2] = 1 mM, 

20°C, pH7.  
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Figure 4.9. H2O2 decomposition rate versus [SSA]. [H2O2] = 1 mM, 20°C, pH7. 

 

The decolourization of RhB solution was also investigated at various [SSA]. The good 
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linear plot obtained with the expressions of ln([RhB]/[RhB]o) as a function of the 

reaction time, allows determining the first order kinetic constant: 

 

 (4.8) 

 

A plot of observed first order rate constant kapp (min-1) for dye removal as a function of 

[SSA] is shown in Figure 4.10.  In contrast with the result of Figure 4.9, the RhB 

removal was not proportional to the oxide surface area. The observed first order rate 

constant for dye removal firstly increased with [SSA] increasing and then reduced. 

This phenomenon can be explained from the assumption that OH radical generated by 

the reaction between hydrogen peroxide and iron oxide is scavenged by iron surface. 

Miller and Valentine [Miller and Valentine,1999] reported that OH radical is very 

reactive with natural iron oxide-coated sand (k = 8 x 1011(g/ml) -1 s-1). Regarding this 

data (Fig. 4.10), M2 exhibits better oxidation performance than M1 at full range of 

studied [SSA] (3-40 m2/L). Furthermore, M1 seems to be more radical scavenger than 

M2, where the SSA optimum occurred at about 17m2/L for M1 and at 32m2/L for M2.  
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Figure 4.10. Effect of [SSA] on the decolourization kinetic constant of RhB. H2O2 = 

150mM; 20°C, pH7.  
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Oxidation efficiency was assessed by the following equation:  

 

[ ]
[ ]22

)/(
OH

RhB
molemoleE

∆

∆
=                          (4.9) 

 

Where E(mole/mole) is the stoichiometry efficiency while ∆[RhB] and ∆[H2O2] 

represent the variation in molar concentration of RhB and H2O2 as a function of [SSA]. 

A high E value means a high reaction yield between RhB and hydroxyl radicals. Figure 

4.11 shows that E for dye removal is inversely proportional to the amount of oxide 

surface area, corroborating that iron surface can act as an OH radical scavenger. A 

sharply decreases of oxidation efficiency (E) was observed for M1, while a first rise in 

the E value before a slow decrease was observed for M2. On the basis of this data, M1 

seems to be less reactive and more HO. scavenged in comparison with M2. This 

difference in oxidation efficiency might be due to difference in mineral structural 

properties (crystallography, FeII content). Valentine and Wang [Valentine and Wang, 

1998] reported that an amorphous iron oxide has more vacant Fe sites and OH groups 

able to scavenge hydroxyl radicals than crystallized iron oxides. Valentine and Wang 

[Valentine and Wang, 1998] and Huang et al. [Huang et al., 2001] showed that the 

hydrogen peroxide decomposition rate was the highest for ferrihydrite, less for 

semicrystalline oxide, and much less for goethite or hematite (high crystallized oxide). 

However, they also affirmed that the catalytic activity for organic compound oxidation 

exhibited a converse series for these iron oxides, corresponding to the inverse 

sequence of specific surface area. Indeed, an amorphous iron oxide with high surface 

area may improve the decomposition of H2O2 via non-radical pathway [Kwan and 

Voelker, 2002; Kwan and Voelker, 2003]. However, it should be noted that the reaction 

of H2O2 decomposition would not be expected to yield a simple dependence of HO. 

generation rate.  
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Figure 4.11. Oxidation efficiency (E) versus [SSA]. 

 

In the present study, the H2O2 decomposition rate was higher for M2 than M1 when 

normalized to the oxide surface area. However, the trend is inversed when based on 

oxide mass basis (M1 (40m2/g) > M2 (2.4 m2/g)). Based on both mass and surface area 

basis, the dye decolourization rate was higher for M2 (high crystallinity, 2.4 m2/g) than 

for M1 (low crystallinity, 40m2/g). This discrepancy may be probably due to the fact 

that the surface reactivity of the mixed oxides depended on surface properties such as 

structural FeII content. Firstly, FeII play an important role for the initiation of the 

Fenton reaction according to the classical Haber–Weiss mechanism and therefore the 

enhancement of the production rate of .OH [Lin and Gurol, 1998; Haber and Weiss, 

1934]. Heterogeneous reactions analogous to the solution phase reactions were used to 

explain the interactions between oxidant and iron surface: 

 

≡FeII + H2O2           →            ≡FeIII  +  HO-  +  HO.        (4.10) 

 

≡FeIII + H2O2          →            ≡FeIII (H2O2)                   (4.11) 
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≡FeIII (H2O2)          →            (≡ FeII.O2H)  +  H2O           (4.12) 

 

(≡ FeII.O2H)           →            ≡ FeII  +  HO2
.             (4.13) 

 

In mineral catalyzed reaction, the dominant reaction is first a chain of reactions 

occurring on the mineral surface. If only FeIII is originally present, FeII is slowly 

generated by reactions (4.11-4.13) initiating oxidation reaction (12). In the case of 

mixed FeII-FeIII bearing mineral, reactions involving both FeII and FeIII may occur. 

Therefore, the presence of iron (II) in the Fe-bearing minerals can enhance the 

production rate of HO. [Lin and Gurol, 1998; Haber and Weiss, 1934; Matta et al., 

2008a; Matta et al., 2008b]. 

 

4.1.6 Structural and catalytic stabilities 

 

The action of H2O2 on the oxide surface can transform the oxide particles into a only 

FeIII-bearing mineral or into a amorphous iron oxide which may be less stable and 

more soluble. This mineralogical transformation may lead to a substantial change in 

the surface characteristics of the mineral, causing a different kinetic behavior and 

decomposition rate for H2O2. The very low dissolved iron concentration measured in 

all our studied systems did not expect the formation of more soluble iron oxide. 

Furthermore, chemical analysis, XRD analysis of both oxides was conducted before 

and after exposure to H2O2. The chemical analyses of the solid after reaction revealed 

no significant change in the total Fe loading. In addition, XRD patterns recorded at the 

end of oxidation reaction was found to be similar to that recorded before reaction 

(Figure 4.1). 

 

The reusability of the solids has been evaluated under identical oxidation conditions as 

explained in our previous work [Hanna et al., 2008].  At the end of the oxidation 

process, the solid is easily removed from the reactor, dried in the glovebox under N2 
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and stored at ambient temperature. The FTIR spectrum of the recovered solid was 

recorded at wavelength range 2000-1000 cm-1. It is noted that the absorption peaks for 

sorbed RhB in the range 1000-1700cm-1 (Figure 4.5) almost disappeared and there is 

no residue of organic compounds on the surface of the solid. The H2O2 decomposition 

and RhB decolourization on the recovered catalyst were then investigated as for 

previous experiments and showed a slight difference with the first oxidation cycle. The 

excellent stability of the catalytic activity could be attributed to the low loss of iron 

content during oxidation cycles and to the structural stability of the solid.   
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4.1.7 Conclusion 

 

The removal rate of organic compound by Fenton-like oxidation firstly increased with 

the dosage of H2O2 or with the amount of exposed surface area, reached an optimum 

value and then decreased. The occurrence of these optimums values for the effective 

degradation of the dye could be explained by the scavenging and parasite reactions 

with (i) H2O2 or (ii) iron oxide surface. Only heterogeneous Fenton reaction happened 

for the decolourization of Rhodamine B (RhB) because Fe leaching from the oxide 

surface is negligible at neutral pH. M2 exhibits important intrinsic reactivity for RhB 

decolourization or H2O2 decomposition. On surface area basis, RhB sorption and H2O2 

decomposition rates on the surface of oxide were higher for M2 (high crystallinity and 

FeII/FeIII ratio) than for M1 (low crystallinity and FeII/FeIII ratio). M2 exhibits better 

oxidation efficiency for dye removal than M1 based on both mass and surface area 

basis. The decomposition of RhB on M2 is higher than M1 even though the sorption 

mechanism of RhB on the surface of both oxides revealed a similar trend. The site 

density and sorption ability of RhB on catalyst surface may also influence the 

oxidation performance in iron oxide/H2O2 system. The iron oxides catalysts exhibited 

low iron leaching, good structural stability and no loss of performance in second 

reaction cycle. The sorption on the surface of iron oxide with catalytic oxidation using 

hydrogen peroxide would be an effective oxidation process for the contaminants. 
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4.2 Adsorption and oxidation of PCP on the surface of magnetite: 

Kinetic experiments and spectroscopic investigations 

 

4.2.1 Introduction 

 

In this part of work, the apparent degradation rate of PCP in magnetite/H2O2 system 

was determined under various experimental conditions and correlated with the intrinsic 

chemical reactions on the oxide surface. Because in the Fenton-like system where iron 

solid mineral was used instead soluble iron, adsorption of the species on the oxide 

surface and oxidation by hydroxyl radicals coming from surface-catalyzed reaction 

could occur simultaneously, the surface reaction may play a very important role. 

Actually, in TiO2-photocatalysis process, the importance of adsorption was widely 

pointed out in several studies [Herrmann et al., 1999; Lu et al., 1993; Chen and Ray, 

1998; Daneshvar et al., 2004]. However, the role played by the adsorption at solid 

surface in the oxidation of pollutant in heterogeneous Fenton reaction is poorly 

described. Furthermore, the surface interactions of species with iron surface sites 

involving both sorption and decomposition reactions are scarcely investigated.  

 

In this part, the oxidation kinetic was operated at various initial PCP concentration, 

H2O2 dose, magnetite loading and temperature. The Langmuir and 

Langmuir–Hinshelwood models were used to describe the surface interactions with 

PCP in the absence and the presence of oxidant, respectively. The surface reactivity of 

magnetite was evaluated by conducting H2O2 decomposition experiments, FTIR 

spectroscopy and Raman analysis. The PCP mineralization rate was also determined 

by monitoring both TOC abatement and chloride formation along the oxidation 

reaction.  

 

In fact, the deactivation of surface catalytic sites may be caused by the 

adsorption/oxidation process and/or leaching effects of iron in reaction medium 
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[Valentine and Wang, 1998; Barrault et al., 2000]. For this reason, X-ray powder 

diffraction (XRD), X-ray photoelectron spectroscopy (XPS), and Mossbauer 

spectroscopy were used to analyze the magnetite structure before and after exposure to 

H2O2. In addition, the dissolution of iron form oxide structure was tested by chemical 

analyses and the presence of residue of organic compound on the oxide surface was 

tested by Raman analysis.   

 

4.2.2 Characterization of iron oxides 

 

The diffractogram of solid powder are shown in Figure 4.12. Five diffraction peaks at 

2  = 21.2 , 35 , 41.2°, 50.4° and 62.8° are shown in the XRD diffractogram, which 

could be assigned to Fe3O4, magnetite [Schwertmann and Cornell, 2000]. The d-space 

values of theses main peaks were 2.53, 2.96, 2.09, 4.85 and 1.71 Å which may 

correspond to the more intense lines 311, 220, 400, 111 and 422, respectively of 

magnetite [Schwertmann and Cornell, 2000]. So in this part of work we can call this 

type of iron oxide (M2) (which purchased from Prolabo) magnetite. 
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Figure 4.12. XRD spectra of solid sample. 

 

Magnetite (Fe3O4) is the only pure oxide of mixed valence. At Room Temperature (RT) 
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it has a cubic spinel structure with iron in both tetrahedral and octahedral sites. It is 

usually represented by the formula (Fe3+)tet[Fe3+Fe2+]octO4. Its Mössbauer spectrum at 

RT is constituted by a superposition of two subspectra associated to the distribution of 

the iron in the octahedral and tetrahedral sites. The two valence states on octahedral 

sites are not distinguishable (valence Fe2.5+) due to a fast electron hopping between 

Fe2+ and Fe3+ in octahedral sites. Thus, the ideal magnetite has only two distinct sextets 

at RT [Murad and Johnston, 1987] in 1:2 intensity ratio corresponding to tetrahedral 

iron (A sites) with H (magnetic hyperfine field) = 498 kOe, isomer shift δ = 0.31 

mm.s-1, and octahedral iron (B site) with H = 465 kOe and δ = 0.67 mm.s-1.  

 

 

Table 4.2. Hyperfine parameters of magnetite at room temperature. δ (mm.s-1): isomer 

shift (Relative to room temperature -iron foil), H (kOe): magnetic hyperfine field, ∆ or 

є (mm.s-1): quadrupole splitting or quadrupole shift , RA (%): relative area.  

 

Sample Component  
δ 

(mm/s) 

∆ or є  

(mm/s) 
H (kOe) 

RA (%) 

Before 

reaction 

D 

S1 

S2 

0.32 

0.31 

0.66 

0.3 

0 

0 

 

490 

456 

2.3 

38.8 

58.9 

After 

reaction 

D 

S1 

S2 

0.4 

0.31 

0.66 

0.47 

0 

0 

 

492 

457 

1.6 

39.9 

58.5 

 

 

In our sample, the Mössbauer spectrum at RT (Figure. 4.13) has been adjusted with 
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two sextets and their resulting hyperfine parameters (Table 4.2) are in agreement with 

literature values for magnetite [Da costa et al., 1995]. The relative area ratio of the two 

spectral components is close to 1:1.5; it is not exactly 1:2 as would be expected in the 

stoichiometric magnetite. Otherwise the Mössbauer spectrum shows in the central part 

a ferric doublet which accounts for 2% of the total absorption and its origin could not 

be established. Storage of the sample for many years without any particular protection 

against oxidation could explain the ferric doublet observed in the central part of the 

spectrum. 

 

The XPS spectrum of the solid material was taken over the entire energy range (data 

not shown). A detail of the Fe peaks (Fe 2p1/2 and Fe 2p3/2) can be seen in Figure 4.14. 

Deconvolution of the Fe 2p3/2 peak shows only those corresponding to FeIII component, 

indicating that the outermost surface of solid sample is already oxidized. This may be 

probably due to the conditions storage of this commercial sample. It should be noted 

that XPS is sensitive to the outermost layer of sample, while the Mössbauer 

spectroscopy detects the iron state in the bulk solid. Some surface properties of solid 

sample are reported in Table 4.3.   
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Figure 4.13. Mössbauer spectra of solid sample. 

 

 

 

 

 

 

 

 

 

 

 

Figure 4.14. XPS spectra of solid sample. 

 

4.2.3 Sorption of PCP on magnetite 



 

 - 93 -

 

Sorption isotherms were determined to investigate the effect of contaminant sorption 

on the catalytic oxidation (Figure 4.15). The experimental isotherm data were fitted to 

the equations of Langmuir, Freundlich and Tempkin by applying linear regression 

analysis. One way to asses the goodness of fitting the experimental isotherm data to 

these equations is to perform an analysis of variance (ANOVA) with error calculation. 

On the basis of the statistic analysis, the curves were shown a best fit with Langmuir 

model. The linear form of the Langmuir equation is given by: 

 

e

e

q

C
= e

mma

C
qqK

11
+                             (4.14) 

 

where qm (mmol m-2) is Langmuir maximum sorbed amount and Ka (L mmol-1) is the 

Langmuir isotherm constant. An increasing in PCP concentration showed a 

progressive saturation of the surface sites. The Langmuir isotherm constants obtained 

by plotting Ce/qe against Ce are qm = 0.023 mmol m-2 and Ka = 10.5 L mmol-1. The 

Langmuir maximum sorbed amount is 6-times greater than the site density of solid 

(Table 4.3), supposing that more than one molecule might be fixed per iron site (i.e. 

solute aggregation at oxide surface). A hydrophobic adsorption directly to the iron 

surface does not seem likely since this is presumed to yield an almost linear isotherm 

[Chiou et al., 1983]. However, the lack of resistance to desorption when methanol was 

used to remove the solute sorbed from solid, may signify some hydrophobic 

interactions rather than a strong phenolate-Fe bond. Kung and McBride [Kung and 

McBride 1991] reported that while a chemisorption of monochlorophenol (CP) onto 

goethite (inner-sphere complexation) was identified from FTIR spectroscopy, the 

mechanism of PCP sorption can not be easily described. 
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Table 4.3. Physicochemical properties of the investigated magnetite  

Solid Fetot 

(wt%) 

FeII/FeIII 

ratio 

Mean 

particle 

diameter 

(µm) 

Specific 

Surface 

Area 

(SSA) 

(m² g-1) 

Site 

Density 

(µmol 

m-2) 

Point of 

Zero 

Charge 

(PZC) 

Iso-Electric 

Point (IEP) 

 

Magnetite 

Fe3O4 

 

70 ± 2 

 

0.48 ± 0.2 

 

   4 ± 1 

 

2.4 ± 0.2 

 

3.6 ± 0.2 

 

7.4 

 

7.2 
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Figure 4.15. Sorption isotherm of PCP at pH 7. Solid line represents Langmuir model. 

 

 

 

4.2.4 Effect of H2O2 dose on PCP degradation 
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Hydroxyl radical can be generated by the reaction between hydrogen peroxide and iron 

surface leading to PCP degradation. The degradation of organic compounds by HO. is 

typically described as a second-order reaction: 

 

                                                               (4.15) 

 

where [HO.] is steady-state concentration of hydroxyl radical, [PCP] is concentration 

of PCP in water, k is the second-order rate constant, and t is the reaction time. By 

assuming that HO. instantaneous concentration is constant, the kinetics of degradation 

of PCP in water can be described according to the pseudo-first-order equation as given 

below: 

                                       (4.16) 

 

where kapp is the pseudo-first-order apparent rate constant (h-1). The kapp constants were 

obtained from the slopes of the straight lines by plotting -ln(Ct/C0) as a function of time 

t, through regression.   

 

The kinetic constants rate kapp were determined at different H2O2 concentrations 

(Figure. 4.16). Since the PCP degradation is directly related to the concentration of the 

hydroxyl radicals produced by the catalytic decomposition of hydrogen peroxide, more 

PCP decomposition is expected when hydrogen peroxide dosage increases. When the 

molecule concentration of H2O2 was 0.086 M, the kinetic constants rate kapp was 0.048 

min-1. When the molecule concentration of H2O2 reached to 0.86 M, the kapp was 0.12 

min-1. However, a decrease in the values of kapp was observed at a much higher H2O2 

concentration (Figure. 4.16). When the concentration reached to 1.29 M, the kapp went 

down to 0.045 which was even lower than the first one. The occurrence of this 

maximum H2O2 concentration for the effective degradation of PCP could be explained 

]][[
][ .HOPCPk

dt

PCPd
−=

)exp(][][ 0 tkPCPPCP appt −=
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by the scavenging effect of hydroxyl radicals by hydrogen peroxide. Similar 

observation was noted earlier for the degradation of organic compounds by Fenton-like 

reactions using goethite as catalyst [Kung and McBride, 1991]. The HO. radicals 

preferentially attack the PCP molecules at low H2O2 concentration, whereas at much 

higher H2O2 concentration, there is a competitive reaction between the PCP and H2O2. 

The •OH radical may react with hydrogen peroxide producing superoxide/hydroperoxy 

radicals according to: 

 

 

•OH + H2O2 →  HO2
•/O2

•− + H2O                                  (4.4) 

 

Buxton et al. [Buxton et al., 1988] have determined the reaction rate of H2O2 with 

hydroxyl radical (k= 2.7x107 M-1s-1). Because the pKa of HO2
•/O2

•− is 4.8, generation 

of hydroperoxide anion HO2
• may be neglected at neutral pH. The generated radicals 

O2
•− are much less reactive and do not contribute to any oxidation of organic 

compound [Lin and Gurol, 1998]. 
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Figure 4.16. Degradation kinetic constant of PCP versus H2O2 dose. [PCP] = 50 mg L-1, 
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[Magnetite] = 2g L-1, 20°C, pH 7. 

 

4.2.5 H2O2 decomposition and PCP removal versus exposed surface 

area per unit volume 

 

The H2O2 decomposition was monitored versus time at various exposed surface area of 

magnetite per unit volume. Good linear plot obtained with the expressions of 

ln([H2O2]/[ H2O2]0) as a function of the reaction time, indicates that the H2O2 

decomposition is the first order reaction: 

 

                                      (4.7) 

 

where                 

 

 

[SSA] means the amount of specific surface area (BET method) par unit volume (m2 

L-1). The H2O2 decomposition rate kapp (min-1) was plotted as a function of [SSA] 

(Figure. 4.17). The good linear relationship (R2=0.99) between the rate constant and 

[SSA] indicates that the H2O2 decomposition is the first order reaction with oxide 

surface area. The results clearly indicate that this is the surface reaction because the 

increase of surface area provides more active sites for catalytic oxidation. The second 

order rate constant (k) obtained from the plot of observed first-order rate constant for 

H2O2 decomposition versus [SSA] is 3.10-4 min-1 (m2 L-1)-1. 

 

The PCP degradation was also investigated at various [SSA]. A plot of observed first 

order rate constant kapp (h
-1) for PCP removal as a function of [SSA] is shown in Figure. 

4.17. In contrast with the result of H2O2 decomposition rate vs [SSA], the PCP removal 

was not proportional to the oxide surface area. The observed first order rate constant 

][
][

22
22 OHk

dt

OHd
app−=

][SSAkkapp =



 

 - 98 -

for PCP oxidation firstly increased with [SSA] increasing. As shown in the figure that 

when [SSA] was 1 m2L-1, the kapp (h
-1) of PCP degradation was 0.035 h-1, and kapp  

increased during the increasing of [SSA] until it reached to 25 m2L-1 (kapp = 0.109), 

after that the kapp reduced to 0.09 (30 m2L-1) . This phenomenon can be explained from 

the assumption that •OH radical generated by the reaction between hydrogen peroxide 

and iron oxide is scavenged by iron surface. Miller and Valentine [Miller and Valentine, 

1999] reported that OH radical is very reactive with natural iron oxide-coated sand (k = 

8 x 1011 (g mL-1) -1 s-1). And also Rodrigues (2008) reported that such detrimental 

effect of excessive catalyst dosages can be ascribed to other undesirable and 

competitive reactions that decrease the amount of radicals available to oxidize the 

organic matter, by reaction with excess iron ions. The reaction or ferrous ions they are 

represented may be as the reaction (4.7) and (4.8) mentioned above: 

 

Fe2+ +HO• 
→ Fe3+ +OH−                                            (4.17) 

 

Fe2+ +HO2
• → Fe3+ +HO2−                                          (4.18) 
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Figure 4.17. Degradation kinetic constant of PCP and H2O2 decomposition rate versus 

[SSA]. [H2O2] = 150 mM, 20°C, and pH 7 for the PCP degradation. [H2O2] = 1 mM, 

20°C, and pH 7. 
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Figure 4.18. Oxidation efficiency (E) versus SSA. [PCP] = 50 mg L-1, [H2O2] = 150 

mM, 20°C, and pH 7 for the PCP degradation. [H2O2] = 1 mM, 20°C, and pH 7 for 

H2O2 decomposition. 

 

Oxidation efficiency can be assessed by the following equation:  

 

[ ]
[ ]22

)/(
OH

PCP
molemoleE

∆

∆
=                          (4.19) 

 

Where E(mole/mole) is the stoichiometry efficiency while ∆[PCP] and ∆[H2O2] 

represent the variation in molar concentration of PCP and H2O2 as a function of [SSA]. 

A high E value means a high reaction yield between PCP and hydroxyl radicals. Figure 

4.18 shows that PCP oxidation efficiency increased with [SSA] increasing and then 

reduced. At low [SSA], the generated HO. radicals preferentially react with PCP 

molecules, whereas at high [SSA], the iron surface can act as an OH radical scavenger.  

 

4.2.6 Effect of initial PCP concentration 
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The pseudo-first-order apparent rate constant was determined at various initial PCP 

concentration (Figure 4.19). The pseudo-first-order degradation rate constant of PCP 

decreased when the initial concentrations of PCP increased from 10 to 100 mg L-1. 

Increased amount of pollutant may occupy a greater number of iron active sites of the 

surface of the iron oxide, which become unavailable for H2O2 and result in lower HO. 

generation rate. More PCP sorbed on the magnetite surface and less H2O2 interacted 

with iron surface and so that less hydroxyl radical formed at the surface. These results 

are consistent with many photocatalysis studies where activation by photon absorption 

is typically the first step for reaction, reaction rates were lowered with the higher initial 

concentration [Herrmann, 1999; Chen and Ray 1998; Daneshvar et 2004; Ollis et al., 

1989]. The Langmuir-Hinshelwood model that is widely used in heterogeneous 

catalysis was tested [Chen and Ray 1998; Ollis et al., 1989]. In this case, the species 

present in the reaction compete with each other for adsorption on a fixed number of 

active sites. This Langmuir-Hinshelwood model postulates that the rate of reaction of 

two species adsorbed on the surface is the rate-limiting step:  
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and linear expression :  
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Where kapp is the initial pseudo-first-order rate constant (h-1), kint is the intrinsic 

reaction rate constant (mmol L-1 h-1), and Ks is the adsorption constant of PCP over 

magnetite surface (L mmol-1). The linear correlation (r2 ~ 0.98) between 1/k1 and 

[PCP]i is relatively good, indicating that surface reactions of PCP including sorption 

and oxidation by surface .OH, play an important role in determining rate of the whole 

reaction. kint and Ks were obtained as 0.022 mmol L-1 h-1 and 5.40 L mmol-1. This Ks 
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value is lower than the sorption constant determined in the absence of oxidant by 

Langmuir model, suggesting an adsorption competition for the magnetite surface.   
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Figure 4.19. Degradation kinetic constant of PCP vs initial concentration of PCP. 

[Magnetite] = 2g L-1, H2O2 =150 mM, 20°C, pH 7. Solid line represents 

Langmuir-Hinshelwood model. 

 

In order to verify the competition between species and the implications of iron surface 

sites in the decomposition of these species, H2O2 decomposition and PCP oxidation 

experiments are operated in the presence of fluoride ions at pH7. Magnetite and 

fluoride solution were stirred for 1h to reach equilibrium sorption, after that H2O2 or 

PCP was added. Fluoride exhibits a strong chemical affinity for iron oxide surfaces and 

is capable of forming both inner and/or outer sphere complexes with iron oxide 

surfaces, with an intrinsic surface complexation constant of logKint = 9,3 [Dzombak 

and Morel, 1990]. This might reduce the surface sites available for chemically-specific 

interactions with H2O2 or PCP, and lead to inactivation of iron mineral surfaces. 

Coherently, decrease in H2O2 decomposition rate value was observed with fluoride 

(Figure. 4.20a).  
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The observed decrease in PCP oxidation rate in the presence of fluoride (F-) (Figure. 

4.20b) may be due to several factors: (i) the decrease in H2O2 decomposition rate and 

so decrease in hydroxyl radical generation rate; (ii) the decrease in PCP sorption rate 

because of the competition with F- for adsorption on surface active sites or (iii) the 

scavenging effect of fluoride ions towards hydroxyl radical in solution. Batch 

experiments showed that the presence of fluoride resulted in PCP adsorption 

decreasing on magnetite (around 50%). Furthermore, the scavenging of hydroxyl 

radical by chloride or fluoride is operational in acidic solution only and not at neutral 

to basic pH [Lipczynska-Kochany et al., 1995]. The increase of fluoride concentration 

to 1 mM did not significantly reduce more the oxidation performance observed at 

0.1mM, corroborating that the scavenging effect of hydroxyl radical by fluoride is not 

significant under our experimental conditions. These observations confirm that the 

Fenton-like oxidation of PCP is controlled by surface mechanism reaction and 

adsorption of H2O2 or PCP on the surface of magnetite can affect the whole 

degradation reaction rate. 
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Figure 4.20. H2O2 decomposition versus time after F- sorption and PCP removal versus 

time after F- sorption. [H2O2] = 1 mM, F- = 0.1 mM, [Magnetite (M)] = 10 m2 L-1, 20°C, 

and pH 7 for H2O2 decomposition. [Magnetite (M)] = 2 g L-1, H2O2 =150 mM, F- = 0.1 

mM, 20°C and pH 7 for the PCP degradation. 

 

4.2.7 Mass transfer rate of species 

 



 

 - 105 - 

The apparent rate of a heterogeneous reaction is usually dominated by either the rate of 

intrinsic chemical reactions on the surface or the rate of diffusion of the solutes to the 

surface. Since the solid used in this study was not porous, the diffusion rate through the 

liquid film (external mass transfer resistance) was only considered.  

Assuming that the entire surface is equally accessible, the rate of flow of substrate to 

the surface has been found to be proportional both to the surface area (A) and the 

difference in substrate concentration ([S]) between the bulk of the solution and the 

microenvironment next to the surface. The mass transfer coefficient k (cm s-1) which 

depends upon the diffusivity of the substrate and the effective distance between the 

surface and the bulk phase can be written as:  

 

L

D
k =                                       (4.22) 

 

D is the diffusion coefficient (cm2/s), and L is the thickness of the stagnant liquid film 

(cm).  

The rate of diffusion can be expressed as:  

 

2L

D
=α                                     (4.23) 

 

The diffusion coefficient of the solutes in liquids is typically ~10-5 cm2/s, and the 

stagnant layer thickness of the liquid film can be estimated by the Film theory as ~10-3 

cm [Sherwood et al., 1975]. So, the mass transfer coefficient was estimated as 10-2 cm 

s-1 and the rate of diffusion as 10 s-1. 

The maximum observed rate for the PCP oxidation and for the decomposition of 

hydrogen peroxide is ~ 3.8 × 10-5 s-1 and 1.5 × 10-4 s-1, respectively. So, the rate of 

diffusion is much faster than the reaction rate of either H2O2 or PCP on the iron oxide 

surface. Furthermore, the intrinsic reaction rate constant determined by 

Langmuir-Hinshelwood model was 6.1 × 10-6 mmol L-1 s-1. Therefore, the intrinsic 
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reactions on the oxide surface including sorption and oxidation are expected to be the 

rate-limiting steps.  

The kinetic rate constant of PCP degradation was also determined at different 

temperatures (10, 20, 30, and 40°C) to determine the activation energy of the PCP 

oxidation on the oxide surface ([PCP] = 50 mg L-1, [Magnetite] = 2 g L-1, H2O2 = 0.8 

M, pH7). A correlation can be established by plotting the data from temperature and 

kinetic degradation rate (kapp) using linear form of Arrhenius equation: 

 

)(lnln
RT

E
Ak a

app

−
+=                                 (4.24) 

 

where A is a constant and Ea is the activation energy. The activation energy of the 

reaction was determined as 47 ± 3.2 kJ mol-1. This value is close to that reported by 

Seung and Veriansyah [Seung et al., 2007] for the oxidation activation energy of PCP 

in supercritical water (43.56 ± 1.47 kJ mol-1).  

The activation energy value of PCP degradation is higher than that of the 

diffusion-controlled reactions, which usually ranges within 10-13 kJ mol-1 [Stumm et 

al., 1996]. These results corroborates that the apparent reaction rate is dominated by the 

rate of intrinsic chemical reactions on the oxide surface rather than the rate of mass 

transfer.  

 

4.2.8 Removal of PCP in aqueous or sorbed phase 

 

The interactions between oxidant and iron surface can be explained by heterogeneous 

reactions analogous to the solution phase reactions [Barb et al., 1951; Pignatello, 1992; 

Walling and Cleary, 1977], where the dominant reaction is first a chain of reactions 

occurring on the mineral surface:  

 

≡FeII + H2O2         →        ≡FeIII  +  HO-  +  HO.         (4.10) 
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≡FeIII + H2O2        →        ≡FeIII (H2O2)                        (4.11) 

 

≡FeIII (H2O2)        →        (≡ FeII.O2H)  +  H2O               (4.12) 

 

(≡ FeII.O2H)         →        ≡ FeII  +  HO2
•/ O2

•−               (4.13) 

 

HO2
• / O2

•− plays an important role in the redox cycle of iron in aqueous phase and 

generates oxygen as a byproduct but the interactions of superoxide/hydroperoxy 

radicals with the iron mineral surface are not yet well argued : 

 

≡FeIII  + O2
•−     

→   ≡FeII + O2                                (4.25) 

 

≡FeII  + HO2
• / O2

•−   →    ≡FeIII  +  HO2
-                       (4.26) 

 

Other competitive reactions may be occurred such as the auto-decomposition of H2O2 

to oxygen and water, the recombination of OH radicals to generate H2O2. However, the 

disproportionation of hydroperoxy radical (combination of two hydroperoxy radicals 

to H2O2 and O2) is not expected because generation of hydroperoxide anion HO2
• may 

be neglected at neutral pH. 

 

On the other hand, the interactions between PCP and iron surface sites (≡Fe) can be 

described as equilibrium reaction between sorbed and aqueous species:     

 

≡Fe + PCPe  ↔   ≡Fe (PCP)s                                      (4.27) 

 

The hydroxyl radicals formed by the reaction between hydrogen peroxide and iron 

surface can probably attack the sorbed species as well as the aqueous species leading to 

the degradation and mineralization of PCP:  
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HO. + ≡Fe (PCP)s → ≡Fe + (PCP byproducts)solution → Cl- + CO2            (4.28) 

 

HO. + PCPe → PCP byproducts → Cl- + CO2                            (4.29) 

 

Raman spectra show the PCP sorbed on the surface of magnetite along the oxidation 

reaction (Figure. 4.21). Prior to Raman analysis, oxidation experiment of PCP at 

neutral pH was conducted versus time in 2 g L-1 of magnetite with the optimum value 

of H2O2 dose (Figure. 4.22). During the oxidation reaction, a few milligrams of 

magnetite were sampled from oxidation reactor at selected time intervals and 

immediately analyzed by Raman spectroscopy without drying (Figure. 4.21). The PCP 

amount was also quantified in aqueous phase and in solid phase after extraction by 

chromatography analysis.  
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Figure 4.21. Raman spectra of sorbed PCP on magnetite before and after exposure to 

H2O2. [PCP] = 50 mg L-1, [Magnetite] = 2 g L-1, H2O2 = 0.8 M, 20°C, pH 7. 
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Figure 4.22. PCP decay versus time. [PCP] = 50 mg L-1, [Magnetite] = 2 g L-1, H2O2 = 

0.8 M, 20°C, pH 7. 

 

 

Based on the Raman signature, the band at 665 cm-1 could be assigned to magnetite 

(Fe3O4) [Neff et al., 2006], while the stronger band of PCP is around 465 cm-1 (Figure 

4.21). The sorbed PCP disappeared from the surface of magnetite at 2h treatment time 

before the total removal of PCP in aqueous solution (occurred at around 30h as shown 

in Figure 4.22). Both degradation and desorption processes could explain the 

disappearance of PCP from magnetite surface at the first stage of reaction. In the case 

of degradation, the OH radicals generated from the surface reaction between hydrogen 

peroxide and surface active sites may preferentially react with surface sorbed PCP. In 

the case of desorption, H2O2 competed with PCP for the fixation on magnetite active 

sites as previously shown by Langmuir-Hinshelwood model, and displaced it from 

surface to aqueous phase.  
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4.2.9 Kinetic of PCP mineralization  

 

Complete degradation of PCP does not imply that the PCP was completely oxidized 

into CO2, H20 and inorganic ions. Reaction intermediates are usually formed and enter 

solution during degradation. It is known that reaction intermediates can form 

during the oxidation of pollutant and some of them could be long-lived and even 

more toxic than the parent compounds. Therefore, it is necessary to realize the 

mineralization of PCP. So in our work the PCP mineralization was determined by 

both TOC and chloride formation measurements (Figure 4.23).  

 

The first reaction of PCP oxidation should be the dechlorination since 90% of chloride 

was formed at the first 30 hours corresponding to the total disappearance of parent 

compound (Figure 4.22). It indicated that after 30 hours, not only most of the PCP was 

degraded, but also most type of common intermediates under Fenton-reaction such as: 

mixtures of tetrachlorobenzoquinone, tetrachlorohydroquinone, and 

tetrachlorocatechol [Benitez et al., 2003; Hirvonen et al., 2000; Luo et al., 2008; Mills 

and Hoffman, 1993] were degraded. After then, the total dechlorination increasesed 

slowly even though a complete degradation of PCP is achieved. Actually the 

further oxidation induces ring cleavage and leads to the formation of organic 

acids such as formic, acetic, and oxalic acids [eg: Pignatello et al., 2006].  

 

Total dechlorination (chloride mass balance corresponding to 50 mg L-1 of PCP) was 

achieved at 4d treatment time and complete mineralization measured by TOC 

abatement occurred after 7d. The remained TOC after total dechlorination at 4d (28%), 

5d (18%) and 6d (10%) could be attributed to organic acids accumulated in the 

solution. So it is clear that the oxidation of PCP undergoes a fast reaction rate than the 

mineralization of it under the same experiment conditions. In order to identity the end 

products, aliquots sampled at 4d, 5d and 6d treatment times were analyzed by ion 

exclusion chromatography (results not reported). Two major peaks corresponding to 
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oxalic acid and formic acid were identified by comparison of their retention time with 

those of authentic standards. Note that oxalic and formic acids have been well 

described as by products of the aromatic ring cleavage and often detected in solution 

after Fenton treatment [Hanna et al., 2005; Matta et al., 2008].   
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Figure 4.23. TOC abatement and chloride formation versus time. [PCP] = 50 mg L-1, 

[Magnetite] = 2 g L-1, H2O2 = 0.8 M, 20°C, pH 7. 

 

In order to confirm the role played by .OH in the degradation of PCP in the Fenton-like 

reactions, the reaction with magnetite was repeated with the addition of excess 

2-propanol as an .OH scavenger. 2-propanol is rapidly oxidized by hydroxyl radicals 

(kOH· = 3 × 109 M−1 s−1) but is less reactive with superoxide O2
•− (k O2•− =1 ×106 M−1 s−1) 

[Teel and Watts, 2002]. Addition of 2-propanol (2% v/v) in the magnetite/H2O2 system 

inhibited the oxidation of PCP which confirms the predominant role of hydroxyl 

radical in the dechlorination and mineralization of PCP and corroborates with a 

Fenton-like reaction taking place in this system. 
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4.2.10 Structural and catalytic stabilities 

 

For the iron oxides/H2O2 system, the stability of a catalyst is a very important factor 

for its application, If when reuse the iron oxides that the oxidation efficiency was not 

as good as the first round of usage, it means that the stability of the catalyst is poor and 

easy to be deactivation, then the catalyst will be useless in a realistic pollutant 

treatment application. Thus, it is necessary to check the structural and catalytic 

stabilities of the iron oxide after the reaction. 

The action of H2O2 on the oxide surface can transform the oxide particles into an only 

FeIII-bearing mineral or into an amorphous iron oxide which may be less stable and 

more soluble. This mineralogical transformation may lead to a substantial change in 

the surface characteristics of the mineral, causing a different kinetic behavior and 

decomposition rate for H2O2. The very low dissolved iron concentration measured (< 

0.05 mM) did not expect the formation of more soluble iron oxide. The chemical 

analyses of the solid after reaction revealed no significant change in the total Fe 

loading. In addition, XRD diffractogram recorded at the end of oxidation reaction was 

found to be similar to that recorded before reaction (i.e. Fig.4.12). Furthermore, the 

hyperfine parameters of Mössbauer spectra shown in Table 4.2 are unchanged after 

reaction, indicating a strong structural stability of solid.  

 

The reusability of the solid has been evaluated under identical oxidation conditions as 

for the first oxidation cycle. At the end of the oxidation process, the solid is easily 

removed from the reactor, dried in the glovebox under N2 and stored at ambient 

temperature. The H2O2 decomposition and PCP degradation on the recovered catalyst 

were then investigated as for previous experiments and showed a slight difference with 

the first oxidation cycle. Indeed, kapp/H2O2 and kapp/PCP are found to be respectively 

0.058 h-1 and 0.0040 min-1 for the first batch oxidation, and 0.060 h-1  and 0.0039 

min-1 for the second oxidation cycle. So, no deactivation of surface catalytic sites was 

caused by the adsorption/oxidation process. The excellent stability of the catalytic 
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activity could be attributed to the low loss of iron content and to the structural stability 

of magnetite during oxidation cycles at neutral pH. However, the oxidative 

transformation of magnetite to maghemite and goethite may be possible at high pH 

conditions as reported by He and Traina [Thomas He and Traina, 2005]. In this work, 

the authors stated that the possible transformation mechanism of magnetite at alkaline 

conditions is through the dissolution and re-precipitation process [Thomas He and 

Traina, 2005]. 
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4.2.11 Conclusion 

 

The degradation rate of PCP by Fenton-like oxidation firstly increased with the dosage 

of H2O2 or with the amount of magnetite, reached a maximum value and then 

decreased. The occurrence of these maximums values for the effective degradation of 

PCP could be explained by the scavenging reaction with H2O2 or iron oxide surface. 

The PCP mineralization determined by TOC was completed after 7days, while total 

dechlorination was achieved at 4d treatment time. The first reaction of PCP oxidation 

should be the dechlorination since 90% of chloride was formed at the first 30 hours 

corresponding to the total disappearance of parent compound. The magnetite catalyst 

exhibited low iron leaching, good structural stability and no loss of performance in 

second reaction cycle. The apparent reaction rate for heterogeneous Fenton reaction is 

dominated by the rate of intrinsic chemical reactions on the oxide surface rather than 

the rate of mass transfer. All batch experiments indicate that Fenton-like oxidation of 

PCP is mainly controlled by surface mechanism reaction and the species compete with 

each other for adsorption on a fixed number of magnetite active sites. Raman analysis 

suggested that the sorbed PCP was removed form magnetite surface at the first stage of 

oxidation reaction. Due to the complex nature of chemical surface species, it is 

difficult to fully understand the multiple interactions that occur on the oxide surface. 

Spectroscopic characterization in situ of surface active sites and solute surfaces 

complexes during the oxidation reaction are required for this purpose. 
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4.3 Effect of chelating agent on the oxidation rate of PCP in the 

magnetite /H2O2 system at neutral pH 

 

4.3.1 Introduction 

 

In this part of work, magnetite was selected as iron bearing mineral. Six kinds of 

chelating agents were chosen including Ethylene Diamine Tetraacetic Acid (EDTA), 

Carboxy-methyl-cyclodextrin (CMCD), oxalate, tartarate, citrate and succinate, based 

on their different chelating ability of iron ion. Pentachlorophenol (PCP) was selected 

as model pollutant. The effect of chelating agents on the Fenton heterogeneous 

oxidation rate of pentachlorophenol in the presence of magnetite (Fe3O4) was 

investigated in opened batch reactor at neutral pH. The PCP oxidation rate in the 

Fenton-like system was significantly improved by using chelating agents at neutral pH. 

The kinetic rate constant was increased by 5.7, 4, 3.2, 2.4, 2.5 and 1.7 times with 

oxalate, EDTA, CMCD, tartarate, citrate and succinate, respectively. This observation 

was supported by the increased concentration of chloride generated by the degradation 

of PCP. The enhancement factor of heterogeneous oxidation rate was found to be 

correlated with that of iron dissolution rate except for oxalate. 

 

The chelating agents (CA) have strong complexing ability with multivalent cation and 

have been widely used to enhance the efficiency of Fenton’s reaction [Matta et al 

2008a; Sun and Pignatello, 1992; Ferraz et al. 2007; Matta et al., 2008b; Seol and 

Javandel, 2008; Li et al., 2005]. Many of these chelating agents are naturally occurring 

organic acid such as low molecular weight organic compounds [Kayashima and 

Katayama, 2002; Li et al., 2008]. However, EDTA remains the mostly used CA in the 

Fenton-chelate based studies at ambient pH when iron is complexed with EDTA or an 

EDTAanalog [Nowack et al., 1996; Blesa et al., 1984]. EDTA is similar to other 

organic ligands in that it has the ability to accelerate the dissolution of oxide minerals. 

In previous studies, the effect of CA on the enhancement of degradation efficiency was 
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tested in either homogeneous or heterogeneous system [Matta et al 2008a; Sun and 

Pignatello, 1992; Ferraz et al. 2007; Matta et al., 2008b; Seol and Javandel, 2008; Li et 

al., 2005; Li et al., 2008; Nowack et al., 1996; Blesa et al., 1984; Strathmann and Stone 

et al., 2002; Naka  and Kim et al., 2006]. In Fenton homogenous system at near 

neutral pH, the CA could maintain iron in soluble form preventing its precipitation and 

thus enhance the production of hydroxyl radical and the degradation efficiency [Li et 

al., 2008; Strathmann and Stone et al., 2002; Naka  and Kim et al., 2006]. In Fenton 

heterogeneous system, the CA could dissolve iron form the solid surface and then the 

propagation of homogeneous reaction by the dissolved iron contributes to the 

improvement of the whole oxidation rate [Matta et al 2008a; Sun and Pignatello, 1992; 

Ferraz et al. 2007; Matta et al., 2008b; Seol and Javandel, 2008; Li et al., 2005]. In 

these studies, the implication of the surface interactions with the heterogeneous 

catalyst in the enhancement of pollutant oxidation was poorly investigated. 

Furthermore, the competition between all species toward iron surface sites in 

heterogeneous oxidation reaction was scarcely described. 

 

Our research goals of this part are: 1) to test heterogeneous Fenton reaction by adding 

chelating agent to make it more suitable at circumneutral pH environment; 2) to find 

out the role played by the CA in heterogeneous Fenton system compared to the 

homogeneous one; 3) to understand the kinetic and mechanism of the chelate-based 

Fenton reaction in heterogeneous system and to determine the rate-limiting step 4) to 

highlight the multiple surface reactions involving sorption, oxidant decomposition and 

oxidation processes.   
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4.3.2 Effect of chelating agents on the heterogeneous oxidation rate of 

PCP 

The effect of chelating agent (CA) on the PCP heterogeneous oxidation was pointed 

out through the determination of kinetic constant rate and the chloride formation. The 

oxidation of PCP was investigated versus time in the presence of six types of chelating 

agents (Figure. 24a). The degradation of organic compounds by HO. is typically 

described as a second-order reaction: 

 

(4.15) 

 

where [PCP] and [HO.] are concentrations of PCP in water and hydroxyl radical, 

respectively, k is the second-order rate constant, and t is the reaction time. By assuming 

that HO. instantaneous concentration is constant, the kinetics of degradation of PCP in 

water can be described according to the pseudo-first-order equation as given below: 

 

                                          (4.16) 

 

where kapp is the pseudo-first-order apparent rate constant. The kapp constants were 

obtained from the slopes of the straight lines by plotting -ln(Ct/C0) as a function of time 

t, through regression. The kinetic constants rate kapp (h
-1) determined in the presence of 

different CA follow the sequence: oxalate (0.23) > EDTA (0.16) > CMCD (0.13) > 

citrate (0.1) > tartarate (0.098) > succinate (0.07) > without chelating agent (0.04). The 

kinetic rate constant was increased by 5.7, 4, 3.2, 2.4, 2.5 and 1.7 times with oxalate, 

EDTA, CMCD, tartarate, citrate and succinate, respectively. As indicator of PCP 

mineralization, the increase of chloride concentration was also measured versus time 

]][[
][ .HOPCPk

dt

PCPd
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(Figure. 24b). The extent of chloride generation follows the same order as for the 

oxidation rate constant: oxalate > EDTA > CMCD > citrate > tartarate > succinate > 

without chelating agent. At 21 hours treatment time, 90, 82 and 78 % of dechlorination 

(chloride mass balance corresponding to 50 mg L-1 of PCP) was achieved for oxalate, 

EDTA and CMCD, respectively. The enhancement factor of PCP dechlorination in the 

presence of CA was 2.1, 1.9, 1.8 for oxalate, EDTA and CMCD, respectively. 
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Figure 4.24. Effect of chelating agents on the PCP degradation rate (a) and chloride 

formation (b). [PCP] = 50 mg L-1, [Magnetite] = 2g L-1, H2O2/Fe (molar ratio) = 100, 

[Chelating Agent (CA)]] = 1mM, 20°C, pH7. 

 

Because the chelating agents contain a high density of functional groups, they can 

accelerate the dissolution of oxide minerals [Seol and Javandel, 2008; Li et al., 2005]. 

The CA-promoted dissolution involves the Fenton reaction to be propagated in 

solution by the dissolved iron. Consequently, the Fenton-chelate based system 

becomes more active in generating •OH and decomposing of the pollutant. In order to 

determine the contribution of homogenous Fenton reaction or the extent of magnetite 

dissolution, the total dissolved iron concentration was measured versus time in 

magnetite/CA/ H2O2 solutions. Results are reported in Figure 4.25 and showed that the 

total dissolved iron in the solution increased firstly versus time and then reduced. The 

total amount of dissolved iron followed the sequence: EDTA > CMCD > tartarate > 

citrate > oxalate > succinate. This sequence was in the same order as for the oxidation 

rate constant kapp (h-1) except for oxalate. Generally, all used CA contributed to the 

increase in iron oxide dissolution rate. Consequently, homogeneous Fenton’s reaction 

was assumed to be in part responsible for the improvement of PCP degradation. 
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Figure 4.25. Total dissolved iron vs reaction time. [PCP] = 50 mg L-1, [Magnetite] = 2g 

L-1, H2O2/Fe (molar ratio) = 100, [CA] = 1mM, 20°C, pH7. 

 

Despite their iron chelating ability, the oxidation enhancement factor using citrate, 

tartarate or succinate was found to be relatively low. Burkitt and Gilbert [Zepp and 

Faust, 1992] reported that citrate, tartrate and succinate were shown to be relatively 

poor catalysts of the Haber-Weiss cycle. In addition, the hydroxyl radical reaction rates 

with these organic acids are relatively high: k (citrate /HO.) = 3.2 × 108 (L mol-1 s-1) at 

pH = 6.6; k (tartrate/ HO.) = 1.4 × 109 (L mol-1 s-1) at pH = 9; k (succinate/ HO.) = 7.6 × 

108 (L mol-1 s-1) at pH = 9) [33, 34]. So, these compounds compete actively with PCP 

for the reaction with hydroxyl radical and can act as HO. scavenger.  

 

 

 

 

On the other hand, EDTA, CMCD and oxalate showed a good catalytic activity in the 

Fenton-chain reaction. The oxidation rate constant of PCP in magnetite/H2O2 system 
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was then determined versus CA concentration (0.5mM to 5 mM) (Figure 4.26a). 

Oxalate, CMCD and EDTA which showed the highest enhancement factor of oxidation 

rate are chosen for this experiment. At all tested concentration range, the oxidation rate 

constant kapp (h
-1) with oxalate is higher than with EDTA or CMCD. However, EDTA 

was the most able to dissolve iron from magnetite surface (Figure 4.26b).  
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Figure 4.26. Degradation kinetic constant of PCP (a) and total dissolved iron (b) versus 

different concentration of chelating agents. [PCP] = 50 mg L-1, [Magnetite] = 2g L-1, 

H2O2/Fe (molar ratio) = 100, 20°C, pH7. 
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The variation of kapp (h
-1) against CA concentration is not linear (Figure 4.26a), which 

may be due to the radical scavenging effect of CA when it is used at high concentration. 

This phenomenon is more pronounced for EDTA or CMCD, probably due to the high 

reaction rate with hydroxyl radical [Hanna et al., 2005; Zhou et al., 2008]. k (EDTA 

/HO.) = 4.0 × 108 (L mol-1 s-1) at pH = 4.0 and  k (EDTA /HO.)  = 2.0 × 109 (L mol-1 s-1) 

at pH = 9.0) [Noradoun and Cheng, 2005]; k (β-CD /HO.) = 4.2 × 109 (L mol-1 s-1) at 

pH ~7 and k (HPCD /HO.) = 8.8 × 109 (L mol-1 s-1) at acidic pH) [Hanna et al., 2005; 

Deeble et al., 1989]. EDTA and cyclodextrin can easily be oxidized and acted like a 

scavenger of .OH under the Fenton reaction [Zhou et al., 2008; Li et al., 2007; 

Noradoun and Cheng, 2005; Englehardt et al., 2007]. EDTA and CMCD could be 

oxidized by hydroxyl radicals and derivated low molecule weight (LMW) organic 

acids in the solution [Hanna et al., 2005; Zhou et al., 2008]. However, the reaction of 

hydroxyl radical with oxalate was found to be relatively low (i.e. k (oxalate/HO.) = 1.4 

× 106 (L mol-1 s-1) [Getoff et al., 1971; Hag and Yao, 1992]. This value is lower than 

that of other CA and so EDTA and CMCD have a higher reactivity than oxalate against 

hydroxyl radicals. 

 

The increase of dissolved iron amount versus CA concentration was reported in Figure 

4.26b. The ligand-promoted dissolution of oxide minerals is a surface-controlled 

reaction occurring in steps [Stumm, 1997]. The first step is the adsorption of the ligand 

on the oxide surface, most commonly by a ligand exchange mechanism. This step is 

very fast compared to the dissolution reaction. Upon adsorption, the surface complex 

weakens the metal-oxygen bonds on the surface of the crystal lattice. Thus, the overall 

dissolution rate is proportional to the rate of breaking a metal-oxygen bond [Stumm, 

1997; Miller et al., 1986] compared the effectiveness of thirteen organic acids to 

dissolve crystalline iron oxy-hydroxides. They found that EDTA completely dissolved 

the noncrystalline oxides and partially dissolved the crystalline ones. The 

EDTA-promoted dissolution was found to be greater than for other organic acids such 

as oxalate, tartrate and succinate [Miller et al., 1986]. 
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Inspection of figures 3a and 3b showed that the performance of Fenton-chelate based 

reaction can not be correlated with the extent of magnetite dissolution. Despite its 

strong chelating ability, EDTA is less reactive than oxalate in heterogeneous Fenton 

reaction. So, an additional mechanism than iron dissolution could take place and would 

be discussed below. Moreover, the Fenton-chelate based reaction in solution must be 

also different for each CA type. The evaluation of the homogeneous Fenton reaction in 

the presence of oxalate, EDTA and CMCD will be the aim of the following section. 

 

 

4.3.3 Effect of chelating agents on the homogeneous oxidation rate of 

of PCP (dissolved Fe
II

 and Fe
III

 ). 

 

In order to highlight the effect of oxalate, EDTA and CMCD on the homogeneous 

Fenton degradation rate of PCP, oxidation experiments were performed with the 

dissolved iron (Fe2+ or Fe3+). The chosen concentration (0.5mM) was higher than the 

maximum value obtained in magnetite dissolution experiments (Figure 4.27). The 

kinetic of degradation of PCP can be described according to the pseudo-first-order 

equation. The kapp constants (min-1) obtained from the pseudo-first-order fit are shown 

in Table 4.4. For both FeII and FeIII, the kinetic oxidation rate can be ranked as: EDTA 

>> Oxalate > CMCD > without chelating agent.  
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Figure 4.27. Effect of using dissolved FeII and FeIII. [PCP] = 50 mg L-1, FeIII (Fe2(SO4) 

3) =FeII (FeSO4)  = 0.5mM , FeII(FeIII)/H2O2/CA = 1/100/1, pH7, 20°C. Dissolved FeII 

(a), dissolved FeIII (b). 

 

In Fenton-like homogeneous reaction, the dominant reaction is first a chain of 

reactions in the iron-catalysed Haber-Weiss cycle [Walling, 1975; Walling and Goosen, 

1973]:        
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FeIII + H2O2 → FeII + HO2
•/ O2

•− + H+       0.01 M-1s-1                           (4.30) 

 

FeII + H2O2 → FeIII + HO- + HO.             76 M-1s-1                (4.31) 

 

Previous investigations suggest that the reduction of ≡Fe(III) to ≡Fe(II) (eq 4.30) is the 

rate limiting step in the overall reaction because the reaction of ≡Fe(II) with H2O2 is 

much faster than that of ≡Fe(III) [Kwan and Voelker, 2003; Matta et al., 2008b]. The 

superoxide/hydroperoxy radicals (HO2
• / O2

•−) plays an important role in the redox 

cycle of iron in aqueous phase [Bielski et al., 1985]. Because the pKa of HO2
•/O2

•− is 

4.8, generation of hydroperoxide anion HO2
• may be neglected at neutral pH. 

 

FeIII + O2
•− → FeII + O2               1.4 x 105  M-1s-1          (4.32) 

 

FeIII + HO2
• → FeII + H+ + O2           3.6 x 105  M-1s-1          (4.33)  

                                                                      

Generally, CA can bind iron ion, facilitating the initiation of Fenton-like reactions in 

the iron-catalysed Haber-Weiss cycle:  

 

FeII + CA →FeIII-CA                                               (4.34)  

 

FeIII-CA + H2O2 → FeII-CA + H+ + HO2
•                               (4.35) 

 

FeIII-CA + HO2
• →FeII-CA + H+ + O2                                  (4.36) 

 

FeIII-CA + O2
•− →FeII-CA + O2                                       (4.37) 

 

FeII-CA + H2O2 → FeIII-CA +  •OH +  HO−                           (4.38) 

 

Table 4.4 showed that the enhancement factor of the oxidation efficiency with EDTA is 

much higher than with other CA. EDTA considerably enhances the generation of 
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hydroxyl radicals by the Fenton reaction. EDTA can strongly combine with FeII or FeIII
 

to form stable metal-chelate complex in the solution (logK(FeII) = 12-14; logK(FeIII) = 

20-24) [Blesa et al., 1984]. This is in agreement with previous results where the rate 

constant of the Fenton reaction for Fe-EDTA complex is much greater than without 

EDTA [Kwon et al., 2009]. Addition of EDTA generally depress the FeIII/FeII redox 

potential, e.g. for Fe-EDTA it is 0.12V compared with 0.77 V for hexaaqua Fe, thereby 

making the Fenton reaction more thermodynamically favorable [Buxton et al., 1988; 2, 

Kwon et al., 2009]. 

 

 

 

Table 4.4. Degradation kinetic constant of PCP under different condition in the system. 

[PCP] = 50 mg L-1, FeIII (Fe2(SO4) 3) =FeII (FeSO4)  = 0.5mM, 

FeII(FeIII)/H2O2/chelating agent = 1/100/1, pH7, 20°C.  

 Fe2+ 

k (min-1) 

Fe3+ 

k (min-1) 

EDTA 0.157 0.140 

Oxalate  0.0041 0.0018 

CMCD 0.0027 0.0014 

Without chelating agent  0.002 0.0006 

 

 

In addition, Fe(III)-EDTA complex can be reduced to Fe(II)-EDTA by The 

superoxide/hydroperoxy radicals (HO2
• / O2

•−) [Bielski et al., 1985]. Subsequently, 

Fe(II)-EDTA reacts with the H2O2 and the Fenton-like reaction produces further 

hydroxyl radicals[Buxton et al., 1988]. 
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FeIII-EDTA + O2
•− → FeII-EDTA + O2                  2 x 106 M-1 s-1    (4.39) 

 

FeII-EDTA + H2O2 →  FeIII-EDTA +  •OH +  HO−      2 x 104 M-1 s-1    (4.40)                                              

 

The reduction reaction rate of Fe(III) to produce Fe(II) in the presence of EDTA (eq. 

4.39) is much faster than that in the absence of EDTA. As the generation of Fe(II) from 

Fe(III) is the rate limiting step, the presence of EDTA can therefore considerably 

improve the overall rate of Fenton-oxidation reaction.  

 

 

The binding constant of oxalate or CMCD with iron ion were found to be relatively 

lower than that of EDTA (logK (oxalate-Fe) = 7.5; logK (CMCD-Fe)= 2.1) at neutral 

pH [Hanna et al., 2005; Erdemoglu and Sarıkaya, 2006]. In addition, cyclodextrin can 

bind both iron and pollutant, which allowing the formation of the ternary complex and 

the generation of hydroxyls radicals in close proximity to pollutant. The formation of 

such complexes has been already demonstrated in homogeneous catalysis and has 

turned out to be related to the enhancement of the degradation of hydrophobic organic 

pollutants under Fenton’s chemistry [Matta et al., 2008a; Hanna et al., 2005].  

The oxalate-based Fenton system seems to be more efficiency than that of CMCD, 

probably due to its less scavenger effect of .OH (hydroxyl radical reaction rate with 

cyclodextrin is about 1000-times greater than with oxalate) [Hanna et al., 2005; Deeble 

et al., 1989; Getoff et al., 1971; Hag and Yao, 1992].  

 

In heterogeneous system, the presence of EDTA contributes to the enhancement of 

oxidation rate through the iron oxide dissolution and Fenton chelate-based reaction in 

solution. In contrast to the homogeneous system where the EDTA showed the highest 

oxidation rate, the enhancement of oxidation rate using EDTA is lower than oxalate in 

the presence of magnetite (Table 4.4). This behavior can not be explained by the 

scavenging effect of hydroxyl radical by EDTA or oxalate, which must occur in both 

heterogeneous and homogeneous systems. This inversed trend may be probably due to 



 

 - 128 - 

the interactions of EDTA or oxalate with magnetite surface, occupying a fixed number 

of Fe-sites and then affect the decomposition of H2O2 or the oxidation of PCP. The 

surface interactions of species with the heterogeneous catalyst will be investigated in 

the following part. 

 

 

4.3.4 Surface reactions in magnetite-chelate based reaction   

 

In order to point out the reason of why the EDTA is less active in heterogeneous 

system compared to oxalate, three experiments are conducted: 1- The sorption of CA 

on the surface of magnetite was studied to determine the adsorption ability of CA 

(Figure 4.28a). 2- The sorption of PCP in the presence of different concentration of CA 

to highlight the competition between PCP and CA toward solid surface (Figure 4.28b). 

3- Effect of CA sorption on the decomposition of H2O2 (Figure 4.29). 
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Figure 4.28. (a) Sorption of EDTA and oxalate on the magnetite. (b) Effect of CA on 
the adsorption of PCP onto the surface of magnetite. [PCP] = 50 mg L-1, [Magnetite] = 
2g L-1, [CA] = 0.1mM ~ 50mM, V= 100ml, 20°C, pH7. 
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Figure 4.29. H2O2 decomposition versus time after EDTA or oxalate sorption. [H2O2] = 
1 mM, [Magnetite] = 8 g L-1, 20°C, and pH7. 

 

EDTA has four carboxyl groups that may adsorb to four central Fe atoms [Stumm, 1997; 

Hag and Yao, 1992]. The mechanism is considered a ligand exchange in which the 
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ligand (EDTA4-) adsorbs on specific sites (≡Fe-OH) on the surface. The affinity of 

EDTA for an oxide surface is heavily dependent on pH [Ballesteros et al., 1998]. It has 

been proposed that at pH values < 7, EDTA forms multinuclear surface complexes with 

goethite, and at pH values > 7 it will form mononuclear complexes [Stumm, 1997; 

Nowack and Sigg, 1997]. In contrast, [Blesa et al., 1984] examined the adsorption of 

EDTA on magnetite and found that the number of adsorption sites changes from 2 to 4 

as pH increases. 

 

The oxalate adsorption onto iron oxides was also widely studied and the formation of 

two different surface complexes on the oxide surface was evidenced [Stumm, 1992; 

Zhang et al., 1985]. The surface complexation mechanism is proposed in which the 

oxalate ligand binds to one or two iron surface sites.  In all cases, the intrinsic surface 

complexartion constant was found to be much greater for EDTA (logKint ~ 30) than for 

oxalate (logKint ~ 7). [Stumm, 1992; Zhang et al., 1985; Ballesteros et al., 1998].  

 

Figure 4.28a shows that the EDTA can sorb strongly to the magnetite surface at neutral 

pH. At about 1mM, sorption saturation plateau is reached corresponding to the total 

site density of solid. However, the sorption of oxalate is about 6-times lower than that 

of EDTA (Figure 4.28a). Figure 4.28b shows that PCP and chelating agent compete 

with each other to adsorb on the magnetite surface. Due to its strong complexing ability, 

the presence of EDTA (1mM) could entirely occupy the magnetite surface and displace 

the totality of previously PCP sorbed. However, the presence of oxalate (1mM) can 

reduce by only 32% of the PCP sorption on iron oxide surface.  

 

In our previous work, we showed that the H2O2 competed with sorbate species for the 

fixation on magnetite active sites and displaced it from surface to aqueous phase [Xue 

et al., in press]. In addition, we reported that the sorbed PCP was removed form 

magnetite surface at the first stage of oxidation reaction. In order to point out a possible 

competition between oxidant and CA towards the magnetite sites, H2O2 decomposition 

experiments are conducted. Prior to this experiment, magnetite and CA solution were 
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stirred for 2h to reach equilibrium sorption with CA sorbed amount at sorption 

saturation plateau (Figure 4.28a). After that, the solid-sorbed CA was taken form 

sorption experiment and then reacted with H2O2.  

 

The strong adsorption of CA on the surface of magnetite might reduce the surface sites 

available for specific interactions with H2O2, and lead to inactivation of iron mineral 

surfaces. Coherently, decrease in H2O2 decomposition rate value was observed with 

EDTA and oxalate (Figure 4.29). The H2O2 decomposition rate decreased from 0.004 

min-1 to 0.0022 min-1 with oxalate and to 0.0008 min-1 with EDTA. This corroborates 

that the strong sorption of EDTA on the surface of magnetite can affect the H2O2 

decomposition and therefore the whole degradation rate. FTIR spectrum of the solid 

recovered after oxidation reaction, showed the main spectral bands of EDTA, 

indicating that EDTA remain strongly sorbed even after the addition of H2O2. 

Therefore, the surface interactions of oxidant with iron surface sites, initiating the 

Fenton heterogeneous reactions, would be the rate-limiting step.  

 

4.3.5 Conclusion 

 

For the magnetite-system, the addition of oxalate improved PCP oxidation by a factor 

of about 6, while the EDTA improved by a factor of 4. All used CA contributed to the 

increase in iron oxide dissolution rate and so homogeneous Fenton’s reaction was 

assumed to be in part responsible for the improvement of PCP degradation. 

Despite its strong chelating ability to promote magnetite dissolution and its high 

efficiency in homogeneous reaction, EDTA is less reactive than oxalate in 

heterogeneous Fenton system. This observation could be explained by the inactivation 

of iron surface sites through the strong sorption of EDTA. Consequently, the actives 

surfaces sites of the heterogeneous catalyst become unavailable for the interactions 

with H2O2 to initiate Fenton-like surface reactions. This work demonstrated that the 

chelating agent-promoted dissolution of magnetite did not play the key role in 
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determining the efficiency of heterogeneous Fenton oxidation. The surface interactions 

of oxidant with the catalyst surface appear to be the rate-determining step in 

heterogeneous Fenton system, rather than the iron oxide dissolution rate. The 

CA-driven heterogeneous Fenton reaction seems to be controlled but the surface 

interactions with the active sites of catalyst. 

It should be noted that EDTA is a toxic agent and there is increasing concern about the 

direct or indirect potential effects of the presence of EDTA in the environment. 

Moreover, it has been demonstrated here that EDTA can bind strongly to the naturally 

occurring iron minerals and make them inactive to promote Fenton-like reactions, 

when the heterogeneous Fenton system is considered for the treatment process. 

Carboxy-methyl-cyclodextrin (CMCD), an environmentally friendly agent and a non 

toxic metal chelatant. CMCD offer also the advantages, low reactivity with solid, 

relative insensitivity to pH and ionic strength effects, and high biodegradability. 

Oxalate, non toxic chelating agent, naturally occurring organic acid and offer also the 

advantages of high reactivity in heterogeneous Fenton system at low and high 

concentrations, and of low hydroxyl radical scavenging effect. Finally, oxalate can be a 

promising agent for the investigation in Fenton heterogeneous reaction at near neutral 

pH environment.  
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CHAPTER 5 GENERAL CONCLUSIONS 

 

Base on the chapter 4, we have some general conclusion about this work: 

 

(1) All the experiments were carried out at natural pH, results showed that using the 

heterogeneous Fenton-like system can remove the model pollutant (PCP and RhB) 

efficiently but not the mineralization. The PCP mineralization determined by TOC was 

completed after 7days, while total dechlorination was achieved at 4d treatment time. 

The first reaction of PCP oxidation should be the dechlorination since 90% of chloride 

was formed at the first 30 hours corresponding to the total disappearance of parent 

compound.  

 

(2) The degradation rate of PCP by Fenton-like oxidation firstly increased with the 

dosage of H2O2 or with the amount of magnetite, reached a maximum value and then 

decreased. The similar trends were also found when we used the RhB as the model 

pollutant to carry out the experiments. Each type of iron oxide (fixed exposed surface 

area) versus different concentration of H2O2 had an optimums value. The occurrence of 

these maximums values for the effective degradation of PCP could be explained by the 

scavenging reaction with H2O2 or iron oxide surface. Too much H2O2 and iron oxide in 

the solution will make a big competition between the oxidation of model polltnats. 

 

(3) On surface area basis, RhB sorption and H2O2 decomposition rates on the surface 

of oxide were higher for M2 (high crystallinity and FeII/FeIII ratio) than for M1 (low 

crystallinity and FeII/FeIII ratio). M2 exhibits better oxidation efficiency for dye 

removal than M1 based on both mass and surface area basis. The decomposition of 

RhB on M2 is higher than M1 even though the sorption mechanism of RhB on the 

surface of both oxides revealed a similar trend.  
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(4) Only heterogeneous Fenton reaction happened for the degradation of RhB and PCP, 

because Fe leaching from the oxide surface is negligible at neutral pH. The apparent 

reaction rate for heterogeneous Fenton reaction is dominated by the rate of intrinsic 

chemical reactions on the oxide surface rather than the rate of mass transfer. All batch 

experiments indicate that Fenton-like oxidation of PCP and RhB are mainly controlled 

by surface mechanism reaction and the species compete with each other for adsorption 

on a fixed number of magnetite active sites.  

 

(5) Raman analysis suggested that the sorbed PCP was removed form magnetite 

surface at the first stage of oxidation reaction. Due to the complex nature of chemical 

surface species, it is difficult to fully understand the multiple interactions that occur on 

the oxide surface. Spectroscopic characterization in situ of surface active sites and 

solute surfaces complexes during the oxidation reaction are required for this purpose. 

 

(6) Due to the result of two different kinds of iron oxides, the site density and sorption 

ability of RhB on catalyst surface may also influence the oxidation performance in iron 

oxide/ H2O2 system.  

 

(7) The iron oxides catalysts exhibited low iron leaching, good structural stability and 

no loss of performance in second reaction cycle in the iron oxides/ H2O2 system. The 

sorption on the surface of iron oxide with catalytic oxidation using hydrogen peroxide 

would be an effective oxidation process for the contaminants.   

 

(8) In the iron oxides/H2O2/chelating agent system, all the chelating agents we used 

can efficiently improve the degradation of pollutant. Among the chelating agents we 

investigated, EDTA and oxalic acid were the best two. It is reasonable that because 

EDTA has a strong chelating ability to promote magnetite dissolution and then to 

improve the oxidation efficiency. However, EDTA is less reactive than oxalate in 

heterogeneous Fenton reaction though the total dissolved iron under using EDTA was 

higher than oxalic acid. This observation could be explained by the inactivation of iron 
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surface sites which become unavailable for the interactions with H2O2 to initiate 

Fenton-like reactions.  

 

(9) This work demonstrated that the chelating agent-promoted dissolution of magnetite 

did not play the key role in determining the efficiency of heterogeneous Fenton 

oxidation. The surface interactions of oxidant with the catalyst surface appear to be the 

rate-determining step in heterogeneous Fenton system, rather than the iron oxide 

dissolution rate. 

 

(10) Finally, Carboxy-methyl-cyclodextrin (CMCD) and oxalate are recommended to 

use in the heterogeneous Fenton system to treat the pollutant, because they are 

environmentally friendly agent and a non toxic metal chelatant compared with EDTA. 

And these two types of chelating agents also have high reactivity in the system. 
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