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I-Introduction 

 

Iron is an element of great biological and geochemical importance. The 

transformation of Fe(III) in water occurs in many geochemical environments: at the 

oxic/anoxic boundary in marine and freshwater basins; at the oxycline, which exists in 

sediments; at the sediment-water interfaces; and in surface waters by photochemical 

processes. The Fe(III) in marine aerosols and rainwater can be reduced to Fe(II) by 

photochemical processes. The presence of Fe(II) could cause an increase in the 

dissolved iron fraction making more iron available for use by biota. The oxidation of 

Fe(II) with H2O2 has been studied in seawater by a number of authors. Results 

represent a significant thermal source of hydroxyl radicals (
•
OH). 

•
OH radicals can 

oxidize a wide variety of natural and anthropogenic organic and inorganic substances.  

Iron oxides are widely spread in soils, sediments, rocks and aquatic systems. Iron 

oxides, hydroxides, and oxy-hydroxides are efficient sorbents for inorganic and 

organic species. Many oxide iron compounds not only play an important role in a 

variety of disciplines and also serve as a model system of reduction and catalytic 

reactions. They are also of substantial interest in environmental sciences since some 

of them are frequently occurring in soil minerals having significant impact on the 

behavior of pollutants in soils. Goethite, α-FeO(OH), is one of the most widespread 

forms of iron oxy-hydroxides in terrestrial soils, sediments, and ore deposits as well 

as a common weathering product in rocks of all types. Goethite particles have high 

specific surface areas in excess of 200 m
2
 g

-1
 and strong affinities for oxyanions and 

heavy metals. The basic charge properties of oxide surfaces are of crucial importance 

for their chemical behavior in aqueous systems, driving sorption, dissolution and 

precipitation processes as well as redox reactions.  

Low molecular weight organic acids have been identified and measured in a 

wide variety of environments, such as marine and continental air, rural and remote 

atmospheres and tropical and temperate zones. The [S, S']-stereoisomer of 

ethylenediaminedisuccinic acid (EDDS), a biodegradable strong metal ligand, has 
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substituted traditional ligands in a number of consumer products. It like its structural 

isomer EDTA, forms stable hexadentate chelates with transition metals. The ability of 

aminopolycarboxylates and aminopolyphosphonates to form stable metal complexes 

has been widely utilized in analytical chemistry and industrial applications. Because 

EDTA is very recalcitrant to microbial degradation, it is quite mobile in soils and 

readily transported to the groundwater together with the mobilized metals.  The 

persistence of EDTA and its metal complexes in the nature may, however, cause 

environmental harm. The extraction of heavy metals from soils using ligands has been 

studied extensively. S, S'-Ethylenediaminedisuccinic acid (EDDS) has received much 

attention in the past few years as a potential replacement for EDTA.  

The formation of iron-carboxylate complexes can undergo rapid photochemical 

reactions under solar irradiation. The photolysis of Fe(III)-polycarboxylates could 

represent an important source of H2O2 to some atmospheric and surface waters. 

Fe(III)-NTA, Fe-EDTA, Fe-Oxalate and Fe(III)-Citrate have been used to degrade 

organic and inorganic pollutants. However, there are little published studies on the 

photochemical reactivity of Fe(III)-EDDS complexes.   

2, 4-dichlorophenoxyacetic acid (2, 4-D) is an organic acid with pKa of 2.6 and 

high water solubility (45 g L
-1

). 2, 4-D is classified by both ANVISA (Brazilian 

National Agency for Sanitarian Vigilance) and WHO (World Health Organization) as 

a hormonal herbicide of level II toxicity. It is considered as a carcinogenic agent, 

affecting liver, heart and central nervous system, leading to convulsions. It presents a 

systemic mode of action and has been widely employed in wheat, rice, corn, sorghum 

and sugar cane cultures to control harmful wide-leaf weeds. Particularly in Brazil, this 

herbicide is extensively used in many crops. Because it is highly selective and 

systemic, this herbicide is transported through the plant, being accumulated in the 

growing roots, inhibiting the growth of weeds. This herbicide is usually 

commercialized as salt, amine and ester formulations, and has post-emergence action. 

After its application in field, the excess of the herbicide is easily transferred to the 

groundwater, due to its high solubility in water. Even after a long period of disuse, 

considerable amounts of either 2, 4-D or its main product of degradation might be 
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found in surface waters and groundwater as well. Therefore, the development of an 

efficient degradation process for this herbicide is extremely relevant and necessary.  

For decades, the atrazine (2-chloro-4-(ethylamino)-6-(isopropylamino)-1, 3, 5- 

triazine) has been widely used all over the world to control a variety of broadleaf and 

grass weeds in agriculture and forestry. Atrazine has a high mobility in soils, which 

results in the contamination of soil, surface and groundwater, rainwater and tile drain 

water; thus frequently, atrazine levels in water exceed the maximum level for drinking 

water which is 0.1 たg L
−1

 in Europe and 3 たg L
−1

 in USA. The presence of this 

chemical compound on the environment and its toxicological properties are being 

taken into account by regulatory bodies in EU countries, leading to increased 

restrictions on its use or to its banning. 

Many kinds of methods are used to degrade them. Advanced oxidation 

technologies is thought to be the preferable means for the degradation of 2, 4-D and 

atrazine. However, little references reported using iron complexes to degrade them 

under irradiation. The objective of this work is to understand the fate of pollutants in 

the aquatic environment in the presence of light and Fe(III)-EDDS complex or 

goethite and EDDS.  

In the present work, we studied the physicochemical properties of Fe(III)-EDDS 

complex. It should be indicated that until now no published reports about the 

stoichiometry of Fe(III)-EDDS complex were found. The photogeneration of ·OH and 

peroxyl radicals have been determined in aqueous solutions with Fe(III)-EDDS 

complex.  

2, 4-D and atrazine were used as model compounds to certify the photochemical 

properties of iron-carboxylate complexes. Irradiation experiments were carried out 

separately under monochromatic irradiation in a short time and irradiation at 365 nm 

(93% of all the radiation) in a longer time. Quantum yields of Fe(II) formation, 2, 4-D 

and atrazine disappearance were determined in the present study. Parameters affecting 

the photoreaction, including excitation wavelength, concentrations of iron-carboxylate 

complex and pollutants, oxygen and pH were all studied in this thesis. 
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II-Bibliography study 

 

A-Photochemical properties of iron and goethite in environment 

 

A-1-Iron ions in the natural environment 

 

Behind oxygen, silicon and aluminium, iron is the fourth most abundant element 

in the earth’s crust. It occurs in oxidation numbers from –II to +VI with coordination 

numbers of 3 to 8 (Hawker and Twigg, 1994). Desert sands, dust and ash make iron 

omnipresent in the environment and practical all natural water contains iron at least in 

traces. In clouds, fog, lakes and rivers the iron concentration is around 10
-5

 M (Faust 

and Hoigné 1990). Iron is as well a vital element for life present in the whole 

biosphere. It is also an essential nutrient in aerobic biological wastewater treatment 

(Henze et al., 2000). 

In aqueous solution the most abundant iron species have an oxidation number of 

+II (ferrous iron) and +III (ferric iron). Dissolved ferrous and ferric iron species are 

present in octahedral complexes with six ligands of water. Iron is complexed by water 

and hydroxyl ligands provided that no other complexing substances are present. How 

many of these ligands are hydroxyl ions, depends on the solution’s pH, which 

influences directly the acid/base equilibrium of the aquacomplexes. Ferric iron is the 

more critical iron species in the photo-Fenton process, because its hydroxides 

precipitate at lower pH than those of ferrous iron. Consequently, only the acid/base 

equilibrium for the ferric iron aquo complex is described here, Eq. (1) - (3). For 

simplification, coordinated water molecules in the coordinate sphere will not be 

included in the chemical formulae. Eq. (4), dimers and oligomeres were the most 

important species at pH below 3.0 (Flynn C. M. Jr., 1984). 
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3 2

2 6 2 5[Fe(H O) ] [Fe(H O) (OH)] H+ + ++q         K=6.3×10 
-3

 M     (1) 

2

2 5 2 4 2[Fe(H O) (OH)] [Fe(H O) (OH) ] H+ + ++q    K=3.2×10 
-4

 M     (2) 

2 4 2 2 3 3[Fe(H O) (OH) ] [Fe(H O) (OH) ] H+ ++q     K=1.0×10 
-6

 M     (3) 

3

2

4

aq 22Fe Fe (OH) 2H
+ ++q ＋                    K=1.3×10 

-3
 M      (4) 

 

Figure II-A-1 shows the equilibrium concentrations of the most important ferric 

iron aquacomplexes in the absence of further complexing substances at different pH 

for a ferric iron concentration of 0.36 mmol L
-1

. The dimer concentration is rather low 

at this ferric iron concentration. As the formation of the dimer is a process of second 

order, the relative amount of this species increases at higher iron concentrations. It is 

evident that between pH 2.5 and 3.0 [Fe(H2O)5(OH)]
2+ 

is the dominant species.  

 

 

Figure II-A-1 Ferric iron species present in aqueous solution at different pH and at a 

concentration of 20 mg L
-1

, calculated with equilibrium constants from (Flynn C. M. Jr. 

1984), T = 20 ℃. 

 

Fe(III) is generally believed to be the dominant form of dissolved iron in surface 

seawater, because the oxidation of Fe(II) by hydrogen peroxide and oxygen is rapid 
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(Byrne et al., 1988; Millero et al., 1987; Millero and Sotolongo, 1989; Moffett and 

Zika, 1987). The speciation of Fe(III) in seawater as a function of pH is shown in 

Figure II-A-2 (Millero et al., 1995). 

 

 

Figure II-A-2 Speciation of Fe(III) in seawater as a function of pH (Millero et al., 1995). 

 

The total concentrations of iron in freshwater systems are generally higher than 

in the oceans, due to larger particulate inputs (Davison, 1993; Sigg et al., 1991), and 

therefore limitation of phytoplankton growth by this element is not likely. Its 

speciation and biological availability as essential element is an important and puzzling 

issue. The thermodynamically stable form of iron in oxic natural waters, Fe(III), has 

an extremely low solubility, while Fe(II) is much more soluble under most natural 

water conditions. It has been shown that light-induced reduction of Fe(III) is a process 

of major importance for the formation of dissolved iron in marine surface waters 

(King et al., 1993; Miller et al., 1995; Voelker and Sedlak, 1995; Voelker et al., 1997; 

Wells and Mayer, 1991) and in acidic surface waters (Mcknight et al., 1988； 

Sulzberger et al., 1990). Emmenegger et al., (1998) studied the oxidation of Fe(II) in 

the euphotic Swiss lake. In oxic environmental systems, the reduced iron species are 

rapidly oxidized by O2 at near-neutral pH, yielding Fe(III) and reactive oxygen 
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species. 

 

A-2-reactions of Fe
2+

, Fe
3+

 and H2O2 in aqueous solution 

 

The oxidation of Fe(II) with H2O2 has been studied in seawater by a number of 

authors. H2O2 is an intermediate in the reduction of oxygen to water and can act as an 

oxidant in the reaction with Fe(II) (Moffett and Zika, 1987). The H2O2 in surface 

water is also generated by photochemical processes, due to the presence of organic 

compounds (Moffet and Zika, 1983). The H2O2 is present at a concentration of 10
-7

 M 

in surface seawater (Moore et al., 1993; Zika et al., 1985a, 1985b). 

Hydrogen peroxide is decomposed to water and oxygen in the presence of iron 

ions in aqueous solution. Two reaction pathways have been proposed in literature 

(Sychev A. Y.，Isaak V. G., 1995), the first formulating a radical chain reaction 

(Haber-Weiss mechanism) (Barb W. G. et al., 1951a, 1951b; Haber F. and Weiss J., 

1934; Walling C., 1975), the other an ionic mechanism (Kremer-Stein mechanism) 

(Kremer M. L., 1962; Kremer M. L. and Stein G., 1959; Kremer M. L. and Stein G., 

1977). After the work of Walling (Walling C., 1975), the radical mechanism has been 

broadly accepted for reactions in acidic medium. Yet, it should be mentioned that 

discussion is still on-going and the occurrence of ferrate and ferryl iron (+IV and +V), 

at least in intermediate complexes, has been proposed (Bossmann S. H. et al., 1998; 

Pignatello J. J. et al., 1999). 

Mixtures of ferrous iron and hydrogen peroxide are called Fenton reagent. If 

ferrous is replaced by ferric iron it is called Fenton-like reagent. The Fenton reaction, 

Eq. (5), was first reported by H. J. H. Fenton in 1894 (Fenton H. J. H., 1894). Eq. (5) 

to Eq. (11) show the reactions of ferrous iron, ferric iron and hydrogen peroxide in the 

absence of other interfering ions and organic substances. The regeneration of ferrous 

iron from ferric iron by Eq. (8) to Eq. (10), is the rate limiting step in the catalytic iron 

cycle, if iron is added in small amounts. The listed rate and equilibrium constants for 

Eq. (5) to Eq. (14) were reported in (Sychev A. Y., Isaak V. G., 1995). 
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2 3

2 2Fe H O Fe OH OH+ − •+ +q＋＋     K = 53 ~ 76 M
-1

 s
-1

               (5) 

2 3Fe OH Fe OH• + −+q＋＋           K = 2.6 ~ 5.8×10

8

 M
-1

 s
-1

          (6) 

2 3

2 2Fe HO Fe HO• + −+q＋＋          K = 0.75 ~ 1.5×10

6

 M
-1

 s
-1   

       (7) 

3 2

2 2 2Fe H O Fe HO H+ • ++ +q＋＋      K = 1 ~ 2×10

-2

 M
-1

 s
-1   

          (8) 

3 2

2 2Fe HO Fe O H• + ++ +q＋＋        K = 0.33 ~2.1×10

6

 M
-1

 s
-1  

        (9) 

3 2

2 2Fe O Fe O•− + +q＋＋              K = 0.05 ~1.9×10

9

 M
-1

 s
-1  

       (10) 

O• •+q2 2 2 2H ＋H O H O HO          K = 1.7 ~4.5×10

7

 M
-1

 s
-1  

         (11) 

 

Furthermore, radical-radical reactions have to be taken into account: 

 

2O • → 2 2H H O                       K = 5 ~8×10

9

 M
-1

 s
-1  

            (12) 

2 O • →2 2 2 2H H O＋O                  K = 0.8 ~2.2×10

6

 M
-1

 s
-1  

         (13) 

O • • →2 2 2H ＋HO H O＋O              K = 1.4×10

10

 M
-1

 s
-1  

             (14) 

 

Finally, the following equilibriums have to be taken into account (Gallard et al., 

1999; Bielski et al., 1985): 

 

O O H− ++q2 2 2H H                       K=2.63×10

-12

 M      (15) 

O q3+ 2+

2 2 2

[Fe] +H [Fe(HO )]                   K=2.63×10

-12

 M      (16) 

2 2 2H O HO ) H++ +q2+ +[Fe(OH)] [Fe(OH)( ]   K=2×10

-4

 M         (17) 

O • •−→ +
2 2H O ＋H                            K=3.55×10

-5

 M      (18) 

• •−q +

OH O +H                                 K=1.02×10

-12

 M      (19) 

O O• •+→+
2 2 2H +H H                          K=3.16~3.98×10

-12

 M  (20) 
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A-3-reactions of Fe
2+

/ Fe
3+

/ H2O2 in the presence of organic substances 

 

If organic substances (in the case of wastewater) are present in the system Fe
2+

/ 

Fe
3+

/ H2O2, they react in many ways with the generated hydroxyl radicals. Yet, in all 

cases the oxidative attack is electrophilic and the rate constants are close to the 

diffusion-controlled limit (Buxton G. U. et al., 1988; Haag W. R., Yao C. D., 1992; 

Malato et al., 2002). The following reactions with organic substrates have been 

reported (Haag W. R., Yao C. D., 1992; Legrini O. et al., 1993).   

 

� Hydrogen abstraction from aliphatic carbon atoms, Eq. (21). 

� Electrophilic addition to double bonds or aromatic rings, Eq. (22). 

� Electron transfer reactions, Eq. (23). 

 

2OH RH R H O• •+ → +                                (21)              

OHCHHCROHCHCHR 22 −−→+=− ••               (22) 

 OH RX RX OH• •− −+ → +                              (23) 

 

The generated organic radicals continue reacting prolonging the chain reaction. 

Depending on the oxidation-reduction potential of the organic radical generated, 

reactions (25) to (27) can take place. The organic peroxide generated in reaction (27) 

can further react with ferrous iron similar to the Fenton reaction (28) (Huyser S., 

Hawkins G., 1983). Of special interest is the reaction with dissolved oxygen 

(Dorfman-mechanism), Eq. (29) and (30) (Dorfman L. M. et al., 1962; Von Sonntag 

C. et al., 1997), because the peroxyl radical can regenerate hydrogen peroxide by 

reaction (7) and thereby contribute to reduce the consumption of oxidant in 

wastewater treatment by Fenton and photo-Fenton method. 
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3 2R Fe R Fe• + + ++ → +                                 (24) 

2 3R Fe R Fe• + − ++ → +                                 (25) 

R R R R• •+ → −                                     (26) 

2 2R HO RO H• •+ →                                   (27) 

2 3

2RO H Fe OR Fe OH+ • + −+ → + +                       (28) 

2 2R O RO• •+ →                                     (29) 

2 2 2RO H O ROH HO• •+ → +                           (30) 

 

In the case of aromatic pollutants the ring usually is hydroxylated before it is 

broken up during the oxidation process. Substances containing quinone and 

hydroquinone structures are typical intermediate degradation products, e.g. produced 

by reactions equivalent to Eq. (31) and (32). These are especially worth mentioning 

because they provide an alternative, quicker pathway for ferrous iron regeneration 

through Eq. (33) and (34) accelerating thereby the process. Resulting benzoquinone 

structures can also be reduced as in Eq. (35). Thereby, each molecule can reduce 

several ferric iron ions in a catalytic cycle. Anyway, sooner or later this catalytic cycle 

is interrupted, because in competition with reactions (31) - (35) also ring opening 

reactions occur, which further carry on the mineralisation of the molecule (Chen R., 

Pignatello J. J., 1997). 

       

k= 7.3 ×10

9

 M

-1

 s

-1

    (31)    

 

 

 k= 1.5 ×10

9

 M

-1

 s

-1

    (32) 

 

 

 

O H +

O H O H

O H

O2+

OH

OH

OH

OH

+HO2
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                                  k= 4.4 ×10

2

 M

-1

 s

-1

    (33) 

 

 

k= 4.4 ×10

4

 M

-1

 s

-1

    (34) 

                                   

 

 

k= 3.7 ×10

9

 M

-1

 s

-1

    (35) 

 

 

There is one great set back of the Fenton method. Especially when the treatment 

goal is the total mineralisation of organic pollutants, carboxylic intermediates cannot 

be further degraded. Carboxylic and dicarboxylic acids are known to form stable iron 

complexes, which inhibit the reaction with peroxide (Kavitha and Palanivelu, 2004). 

Hence, the catalytic iron cycle reaches a standstill before total mineralisation is 

accomplished, Eq. (36). 

 

2 2H O ,dark3 X

nFe nL [FeL ] no futher reaction+ ++ → ⎯⎯ ⎯ ⎯→         (36).  

L: Mono- or Dicarboxylic acid 

 

Due to the high oxidation potential of the hydroxyl radical, it can also react with 

inorganic ions present in the solution. Several authors have described the strong 

negative effect of the presence of carbonate and phosphate in the Fenton reaction, 

while the effect of other ions such as chloride or sulphate is not as strong (De Laat J. 

et al., 2004; Kiwi J. et al., 2000; Lipczynska-Kochany E. et al., 1995; Maciel R. et al., 

2004; Pignatello J. J., 1992; Von Sonntag C., 1997).  

Fe3+  +

OH

OH

Fe2+ +

O

OH

+ H+

Fe3+  + Fe2+

O

OH

+ H++

O

O

 +

O

OH

+

O

O OH

OH

OH

OH
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A-4-Photochemical reactions 

 

Irradiation with light up to 580 nm leads to photoreduction of dissolved ferric 

iron to ferrous iron (Bauer R. et al., 1999). The primary step is a ligand-to-metal 

charge-transfer (LMCT) reaction. Subsequently, intermediate complexes dissociate as 

shown in reaction (37) (Zepp et al., 1992). The ligand can be any Lewis base able to 

form a complex with ferric iron (OH
-
, H2O, HO2

-
, Cl

-
, R-COO

-
, R-OH, R-NH2 etc.). 

Depending on the reacting ligand, the product may be a hydroxyl radical such as in Eq. 

(38) and (39) or another radical derivated from the ligand. The direct oxidation of an 

organic ligand is possible as well as shown for carboxylic acids in Eq. (40). The 

omnipresence of iron makes the Photo- Fenton reaction an important factor for the 

autopurification capacity of lakes, rivers (Sulzberger et al., 1994) and atmospheric 

water droplets (Faust and Hoigné, 1990). 

 

[Fe
3+

L]+hv→[Fe
3+

L]
*→Fe

2+
+L

·
             (37) 

[Fe(H2O)]
3+

+hv→Fe
2+

+OH
·
+H

+ 
            (38) 

[Fe(HO)]
2+

+hv→Fe
2+

+OH
·
                 (39) 

[Fe(OOC-R)]
2+

+hv→Fe
2+

+CO2+R
· 
          (40) 

 

Depending on the ligand the ferric iron complex has different light absorption 

properties and reaction (37) takes place with different quantum yields and also at 

different wavelengths. Consequently, the pH plays a crucial role in the efficiency of 

the photo-Fenton reaction, because it strongly influences which complexes are formed 

(Figure II-A-1). Thus, pH 2.8 was frequently postulated as an optimum pH for 

photo-Fenton treatment (Pignatello, 1992; Safarzadeh-Amiri et al., 1996b), because at 

this pH precipitation does not take place yet and the dominant iron species in solution 

is [Fe(OH)]
2+

, the most photoactive ferric iron aquacomplex. 
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In fact, as shown in its general form in Eq. (37), ferric iron can form complexes 

with many substances and undergo photoreduction. Carboxylic acids are important 

because they are frequent intermediate products in an oxidative treatment. Such ferric 

iron – carboxylate complexes can have much higher quantum yields than ferric iron – 

water complexes. It is therefore a typical observation that a reaction shows an initial 

lag phase, until intermediates are formed, which can regenerate more efficiently 

ferrous iron from ferric iron accelerating the process. This can either happen through a 

photochemical pathway, Eq. (40), a thermal pathway, or a combination of both. 

 

 

Figure II-A-3 Quantum yields from literature. a) (Braun A. M., Maurette M. T. and 

Oliveros E. 1991) is for the reaction in Eq. (41) and (42). b) (David F., David P.G. 1976) and 

c) (Faust B. and Hoigné J., 1990) are for the reaction in Eq. (39) 

 

Fe(C2O4)3
3- 

+ hv→Fe
2+ 

+ 2C2O4
2- 

+ C2O4
·-
          (41)  

C2O4
·- 

+ Fe
3+→2 CO2 + Fe

2+
                     (42) 

 

Figure II-A-3 illustrates the quantum yield of several complexes at different 

wavelengths by some examples from literature. Consequently, the addition of oxalate 

has been proposed to overcome the initial lag phase (Nogueira et al., 2002; 

Safarzadeh-Amiri et al., 1996a; Paterlini and Nogueira, 2005). Thereby, the 

wastewater throughput in a photo-Fenton plant can be raised, but these gains have to 
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be compared to the increased reagent cost due to the addition of oxalate, because 

oxalate is not acting as a catalyst, as it is as well degraded during this photochemical 

reaction. Other chelating agents have been proposed as well with the additional aim of 

working at neutral pH (Sun and Pignatello 1992, 1993a). The photolysis of ferric 

iron–oxalate complexes has been known for a long time and is used in actinometry for 

its high quantum yield (Braun et al., 1991; Cooper and DeGraff, 1971; Hatchard and 

Parker, 1956). 

Finally, another photochemical reaction should be mentioned, which is the 

photoreduction of quinones to semiquinones, Eq. (43) (Ononye A. I. et al., 1986). By 

this reaction intermediate quinonic reaction products can be reduced and can further 

contribute to accelerate the reduction of ferric iron by Eq. (34). Moreover, as a side 

product even a hydroxyl radical is generated. 

 

                      

                                                  (43)  

    

              

A-5-Application to wastewater treatment 

 

While the Fenton reaction has been known for more than a hundred years 

(Fenton H. J. H., 1894), it has only been in 1968 that it has been first suggested as 

means for wastewater treatment (Bishop D. F. et al., 1968). The photo-Fenton 

reaction was at first investigated by atmospheric researchers to clarify natural 

mechanisms of hydrogen peroxide production and oxidation of several pollutants in 

atmospheric water droplets (Faust B. C., Hoigné J., 1990). At the beginning of the 

1990s it was introduced in wastewater technology (Lipczynska-Kochany E., 1991; 

Lipczynska-Kochany E., 1992; Pignatello J. J., 1992; Ruppert G. et al., 1993; Sun Y. 

and Pignatello J. J., 1993). 

Later on it was applied to waste water containing many different pollutants, such 

as pesticides (Fallmann H. et al., 1999; Hincapié M. et al., 2005; Huston P. and 

 +

O

OH

+

O

O

H2O OH
hv
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Pignatello J. J., 1999; Malato S. et al., 2003), chlorophenols (Krutzler T. et al., 1999; 

Pera-Titus M. et al., 2004), natural phenolic pollutants (Gernjak W. et al., 2003; 

Herrera F. et al., 1998), pharmaceuticals (Arslan-Alaton I. and Gurses F., 2004; 

Pérez-Estrada L. et al., 2005), etc. It was also successfully applied to waste water with 

high organic load in the order of 10 g L
-1

 to 20 g L
-1

 total organic carbon (Sigman et 

al., 2004). Originally toxic waste water has been proven to lose its toxicity upon 

treatment by photo-Fenton process before total mineralisation has been achieved 

(Hincapié et al., 2005; Malato et al., 2003). Loss of toxicity usually is accompanied 

by an enhancement of biodegradability of the treated waste water (Sarria et al., 2002; 

Sarria et al., 2003). Consequently, photo-Fenton process and AOPs in general have 

been proposed as a pre-treatment to biological treatment (Esplugas S. and Ollis D. F., 

1997; Scott J. P. and Ollis D. F., 1995). 

Several studies have discussed the influence of iron concentration and its 

catalytic behaviour (Gob et al., 2001; Krutzler et al., 1999; Oliveros et al., 1997) and 

temperature effect (Krutzler et al., 1999; Sagawe et al., 2001; Sarria et al., 2003; 

Torrades et al., 2003;). Within the investigated limits (maximal iron concentration 2.6 

mM, maximal temperature 70℃) an increase of the respective parameter meant also 

an increase in reaction rate. Only one study examines the result of alternating time 

intervals with and without illumination (Herrera F., Pulgarin C., et al., 1998). It 

suggests the formation of pre-cursors in the dark prone to rapid photolysis upon 

irradiation. Consequently, by alternating dark and illumination periods a decrease of 

necessary number of photons can be achieved compared to permanent illumination. 

Other studies deal with the application of iron as a heterogeneous catalyst, e.g. in 

the form of suspended oxides (Wu F. and Deng N. S., 2000), fixed on a support 

structure (Bozzi et al., 2005; Maletzky et al., 1999) or even a combination of both 

(Martínez F et al., 2005). While an easy separation and the possibility of working 

without pH adjustments are advantages of this approach, the drawback are generally 

diminished reaction rates compared to the homogeneous photo-Fenton process. This 

is mainly related with mass transfer limitations of the heterogeneous process and 
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worsened light penetration into the photoreactor (Pérez-Estrada et al., 2005). Whereas, 

industrial applications of the Photo-Fenton process are still very scarce. 

 

B-Iron oxides in the natural environment 

 

Iron oxides (a group name for iron oxyhydroxides and oxides) are widely spread 

in soils, sediments, rocks and aquatic systems. Synthetic iron oxides are utilized in 

both traditional and advanced technologies. Hematite (α-Fe2O3) and goethite 

(α-FeOOH) are specifically important materials due to their diverse applications. 

These compounds are also scientifically important, because their particles often serve 

as model systems in colloid and surface chemistry. α- Fe2O3 and α-FeOOH particles 

are characterized by specific acid/base surface properties and they can be produced in 

different geometrical shapes and sizes. The reactions of Fe
3+

 hydrolysis in aqueous 

media may be utilized in the synthesis of a specific form of iron oxides (Cornell and 

Schwertmann, 1996). Iron oxides, hydroxides, and oxy-hydroxides are efficient 

sorbents for inorganic and organic species and have a great potential in industrial 

applications. They are also of substantial interest in environmental sciences since 

some of them are frequently occurring in soil minerals (e.g., goethite and ferrihydrite) 

having significant impact on the behavior of pollutants in soils. 

Many oxidic iron compounds not only play an important role in a variety of 

disciplines and also serve as a model system of reduction and catalytic reactions 

(Cornell and Schwertmann, 1996). Hematite α-Fe2O3 being a major and 

thermodynamically most stable oxide among the 16 identified iron oxide compounds 

it is commonly used as an adsorbent, a catalyst precursor and an active component of 

catalytic material (Bukur et al., 2004; Hua et al., 2004; Provendier et al., 1999; Spitzer 

et al., 1966).  

The mineral solid–water interface plays a central role in regulating the 

concentrations of a large number of reactive elements in natural aqueous systems by 

influencing their biogeochemical cycles, and also in engineered aqueous systems such 
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as those in water treatment technologies (Dzombak and Morel, 1990; Hochella and 

White, 1990; Stumm, 1992). Goethite is the most abundant iron oxide in nature 

(Bigham et al., 2002), whose surface reactivity has been extensively studied. 

Particularly, multisite complexation (MUSIC) models (T. Hiemstra, et al., 1989; T. 

Hiemstra, 1996) have identified the participation to varying degrees of three 

differently coordinated oxygen-terminated groups at the surface of this mineral, 

namely singly, doubly, and triply coordinated oxygens to central Fe atoms, as well as 

specific distributions of different crystalline phases (Hiemstra et al., 1989; Hiemstra, 

1996). 

As we know, iron is an element that is dynamically present on the boundary 

between the oxidized and reduced world. Only a tiny shell of the geosphere is 

oxidized due to photosynthesis. On the long-term geo-historic record, it is a relatively 

recent phenomenon. Reduced conditions are maintained in water-logged soils and 

sediments due to back-consumption of oxygen and organic carbon by chemotrophic 

microorganisms. The rate of Fe(II) production by micro-organisms depends on the 

surface area of the ferric (hydr)oxide that is in contact with micro-organisms 

(Bonneville et al., 2006). Under intermediate redox conditions and neutral pH values, 

iron can be present as aqueous Fe(II) in combination with Fe(III) (hydr)oxides. Under 

these conditions, dissolved Fe(II) may interact with these ferric oxides and also with 

other minerals as well as organic matter. 

Iron oxides are relatively abundant in soils and sediments, and therefore it is 

essential to understand their roles in sorption of metals and organic chemicals. The 

chemical nature and high specific surface area of iron oxides as discrete particles and 

coatings on other minerals make these oxides efficient sinks for many contaminants 

including both cations and anions. Adsorption of metals to oxides in soils and 

sediments is important because it affects their mobility and bioavailability. Wang et al. 

(2008) studied cosorption and adsorption of Zn and glyphosate (GPS) in soils, and 

found that Zn and GPS affected their adsorption on the soil surface by each other. The 

presence of GPS affected the adsorption of Zn on the goethite through altering 

solution pH and formation of complexes with Zn. GPS increased Zn adsorption on 
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goethite at low pH values (< 4.5), while decreasing the adsorption at high pH. The 

former decreases the mobility of Zn from soil to underground water, which minimizes 

the potential risk to water quality. But in alkaline soil, application of GPS increases 

metal mobility resulting in increasing metal bioavailability. In addition to that, Zn 

adsorption takes place on sites where GPS is previously adsorbed and GPS acts as a 

bridge between the goethite and Zn when goethite possesses positive charged surface 

(Wang, et al., 2008). 

 

B-1-Chemical Properties of goethite 

 

Goethite (α-FeOOH) is one of the most widespread forms of iron 

oxy-hydroxides in terrestrial soils, sediments, and ore deposits (Cornell and 

Schwertmann, 2003) as well as a common weathering product in rocks of all types 

(Ozdemir and Dunlop, 2000). Goethite particles have high specific surface areas in 

excess of 200 m
2
/g (Schwertmann and Cornell, 1991) and strong affinities for 

oxyanions and heavy metals (Hayes et al., 1987). The basic charge properties of oxide 

surfaces are of crucial importance for their chemical behavior in aqueous systems, 

driving sorption, dissolution and precipitation processes as well as redox reactions 

(Sposito, 2004).  

Studies have shown that Fe oxides can effectively oxidize a range of pollutants 

including phenols (McBride, 1987; Pizzigallo et al., 1995), hydroquinone (e.g. Kung 

and McBride, 1988), and chloroanilines (Pizzigallo et al., 1998), in addition to strong 

adsorptive interactions. Fe oxides generally have lower oxidizing power than Mn 

oxides (e.g., reduction potentials of 0.67 V and 1.23 V for FeOOH and MnO2, 

respectively) (Stone, 1987), but have greater abundance in soils and sediments. For 

example, in recognition of more amine loss than the amount of Mn(III/IV) being 

reduced to Mn(II) in whole soils, Li et al. (2003) proposed that Fe reduction did 

contribute to the further oxidation of the more reactive amines when all readily 

reducible Mn was consumed. 
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Adsorbed Fe(II) is known to be very reactive (Stumm and Sulzberger, 1992), 

acting as a reductant for elements like Hg(II), As(V) (Charlet et al., 2002), U(VI) 

(Liger et al., 1999), Cr(VI) (Buerge and Hug, 1999) or Cu(II) (Maithreepala and 

Doong, 2004) and for the transformation or natural attenuation of organic components 

(Amonette et al., 2000; Klausen et al., 1995; Klupinski et al., 2004; Liger et al., 1999; 

Maithreepala and Doong, 2004; Pecher et al., 2002; Strathmann and Stone, 2003; 

Vikesland and Valentine, 2002a,b). In addition, adsorbed Fe(II) may strongly affect 

the Fe(III) dissolution rate of iron oxide minerals in the presence of organic anions 

(Ballesteros et al., 1998; Stumm and Sulzberger, 1992), and may catalyze the 

transformation of Fe(III) minerals (Hansel et al., 2005; Pedersen et al., 2005; Zhang et 

al., 1992). In addition, adsorbed Fe
2+

 is far more easily oxydized if bound by mineral 

surfaces (Wehrli and Stumm, 1989; Wehrli et al., 1989). 

In the goethite/H2O2 process, ferrous ions are generated by the reductive dissolution 

of goethite shown as below (Sorensen and Frimmel, 1997): 

 

α-FeOOH+ 2

2 2 2 2

1 1
H O 2H Fe O 2H O

2 2

+ ++ → + +            

 

Advanced oxidation processes are commonly used for the treatment of 

wastewater containing recalcitrant organic pollutants (Pignatello, et al., 2006; Watts, 

et al., 1990; Varghese, et al., 2006) and can be used to destroy a variety of explosive 

ammunition residues in the environment (Bier et al., 1999). These methods are so 

attractive because of the possibility of the mineralization of the target compounds.  

The required agents for the Fenton process are hydrogen peroxide (H2O2) and 

iron oxide, where H2O2 is a safe and economic oxidant. However, hydrogen peroxide 

is not an excellent oxidant for most organic substance of interest. In general, hydrogen 

peroxide is combined with UV-light, iron salts or ozone to produce a high 

concentration of hydroxyl radicals. Recently, the use of goethite (α-FeOOH) with 

hydrogen peroxidewas found to effectively oxidize organic compounds due to the 

catalysis on goethite surface and ferrous ion generation (Lu, 2000; Zinder, et al., 
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1986). Khan and Watts (1996) reported that adding appropriate amount of H2O2 into 

the contaminated soils in the presence of goethite produced the reactive OH radicals, 

degrading most organic pollutants. Lu (2000) also indicated that 2-chlorophenol can 

be decomposed with H2O2 catalyzed by goethite. Moreover, the capability of 

degradation can be greatly improved by the combination of goethite and UV/H2O2 

(M.A. Khan, J. R. Watts, 1996). This advantage is mainly due to the generation of 

more hydroxyl radicals from H2O2 when exposed to UV-light (M. Arienzo, 1999). 

Ferrous ions are dissolved into the solution and then mixed with hydrogen 

peroxide to produce hydroxyl radicals (
•
OH), commonly described as Fenton reaction 

(Lu et al., 1999): 

 

2 3

2 2H O Fe OH OH Fe+ • − ++ → + +  

2 3OH Fe OH Fe• + − ++ → +  

 

The Fenton reaction is recognized as one of the most powerful oxidizing 

reactions that can be used to decompose a wide range of refractory synthetics or 

natural organic compounds, including nitroaromatic explosives, such as 2, 4, 

6-trinitrophenol (PA) and ammonium picrate (AP) (Tanaka et al., 1997). This research 

describes the heterogeneous catalytic reactions of H2O2 with granular size goethite 

(α-FeOOH) particles in aqueous solution under various experimental conditions. PA 

and AP solutions at various initial concentrations were prepared under acidic 

condition (pH 2.8) to perform Fenton-like oxidation reaction. The objective of this 

study was to investigate the oxidation of explosives, namely AP and PA, by 

goethite/H2O2 process. A kinetic model was proposed to successfully predict 

nitroaromatic decomposition half-lives. In addition, the inhibition and adsorption 

effect of intermediates on the parent compound oxidation can be quantified through 

this kinetic model. 

Catalytic ozonation with the prepared FeOOH substantially improved the 

degradation of nitrobenzene in water through enhanced generation of hydroxyl 
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radicals. The activity of the FeOOH in this case is due to its highly hydroxylated 

surfaces in water. The surface hydroxyl groups on the FeOOH in water play an 

important role in the catalytic ozonation. It seems that the uncharged surface hydroxyl 

groups are more active in the catalytic ozonation than the protonated or deprotonated 

ones. Results indicate that the uncharged surface hydroxyl groups of FeOOH in water 

can induce aqueous ozone decomposition to generate hydroxyl radicals during the 

catalytic ozonation of nitrobenzene. Further researches are still needed to find out the 

relationship between the acidity as well as the coordination sates of the surface 

hydroxyl groups and their activity in inducing hydroxyl radical generation from 

aqueous ozone. Organic products degradation efficiency was further increased by the 

exposure to 40W UV-light for 120 min. This is because the Fe
3+

 was reduced in acidic 

solution thus more active ferrous ions (Fe
2+

) were generated (Perez, et al., 2002). 

 

FeOH
2+

 +hち→ Fe
2+

 +OH• 

 

B-2-Pathway of FeOOH-induced hydroxyl radical 

 

The surface hydroxyl groups at the water/oxide interface will interact with O3 and 

the substrate in catalytic ozonation.  

 

 

Figure II-B-1 Scheme of the proposed pathway of hydroxyl radical generation when aqueous 

ozone interacts with surface hydroxyl group of FeOOH in water. 

 

Figure II-B-1 illustrates the possible pathway of hydroxyl radical generation 
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induced by the surface hydroxyl groups of the FeOOH. Since ozone has both 

nucleophilic site and electrophilic site as a dipole agent (Langlais, et al., 1991), the 

ozone molecule can be combined with the surface hydroxyl group as its H and O are 

electrophilic and nucleophilic respectively (step A). The combined species further 

decomposes into surface HO
2−

 (step B). The surface HO
2−

 reacts with another O3 

forming •OH and O2
•−

 (step C). The O2
•−

 can further reacts with O3, which finally 

will yield another •OH (von Gunten, 2003). The vacant surface Fe(III) site adsorbs 

another water molecule, which subsequently dissociates into surface hydroxyl group 

(step D). As far as the protonated surface hydroxyl group is concerned, its O is 

weaker in nucleophilicity than the O of neutral state hydroxyl group. Therefore, the 

protonation of the surface hydroxyl group will disadvantage the surface binding of 

ozone (step A). On the other hand, the deprotonated surface hydroxyl group cannot 

provide the electrophilic H, which would also handicap the proposed process.  

 

C-Fe(III)-EDDS complex 

 

C-1-Aminopolycarboxylates: EDDS-a biodegradadable strong metal chelant 

 

Over the centuries, human activities have contaminated large areas in both 

developed and developing countries. The European Environment Agency has 

estimated the total costs for the clean-up of contaminated sites in Europe to be 

between 59 and 109 billion euros (Commission of the European Communities, 2002). 

At present not even highly industrial countries can afford to clean up contaminated 

sites. In Germany, for instance, only 30% of the soils from contaminated areas are 

cleaned up in soil remediation facilities, while the rest is stored untreated in waste 

disposal facilities. Heavy metals are a major factor of this pollution due to their 

atmospheric deposition, (Martley et al., 2004; Romo-Kroger et al., 1994; Steinnes et 

al., 1997; Tong and Lam, 2000), their leaching tendency, and the fact that they are 

undegradable. 
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Chelants or chelating agents are compounds that form coordinate covalent bonds 

with metal ions to form complexes. Transition metal chelators are broadly used in a 

variety of consumer products and processes, eg in the pulp and paper, textile, metal, 

photographic, leather, cosmetic and detergent industry. Their primary purpose is to 

control trace amounts of iron, manganese, copper, etc., that would otherwise be 

deleterious to product performance or commercial process. The molecular design 

requirements for an effective chelator (i.e., hexadentate ligand derived from a diamine 

with carboxylate or phosphonate moieties) are well known and exemplified in current 

commercially available materials, such as, aminopolycarboxylates (EDTA, DTPA, 

etc.) or aminopolyphosphonates (EDTMP, DETPMP, etc.). These chelators are, 

however, essentially nonbiodegradable or require special environmental conditions for 

degradation to occur (Schowanek and Verstraete, 1989). 

Chelating agents are potent agents for solubilizing heavy metals from polluted 

soils. Two different remediation methods using chelating agents are now being 

investigated: chelant assisted ex-situ soil washing and chelant assisted phytoextraction. 

In ex-situ soil washing two methods are possible, batch washing (Tandy et al., 2004; 

Vandevivere et al., 2001a) and heap leaching (Hauser et al., 2005). In chelant-assisted 

phytoextraction chelating agents are added to the soil to increase the solubilized 

metals and correspondingly uptake into plants (Garbisu and Alkorta, 2001). The 

enormous drawback of this method is the inevitable leaching of chelants and its 

metal-complexes into the deeper soil layers and eventually to groundwater. The 

ex-situ methods attract a lesser risk of leaching than phytoremediation as most of the 

chelating agent is removed from the soil before returning to the field. However some 

chelating agent is always left in the soil and the formation of metal complexes with 

this residual complexing agent is possible and in turn leaching of these metal 

complexes must be taken into consideration. 

Previously the most used complexing agent for these methods was EDTA 

(Abumaizar and Khan, 1996; Peters, 1999; Thayalakumaran et al., 2003; Van 

Benschoten et al., 1997; Wenzel et al., 2003; Wu F. et al., 1999). It is however 

recalcitrant in the environment and leaching of metal-complexes over a long time 
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period was possible (Bucheli-Witschel and Egli, 2001; Wenzel et al., 2003; Wu et al., 

2004). 

S, S-ethylenediaminedisuccinic acid (EDDS) is a biodegradable chelating agent 

that is a structural isomer of EDTA (Schowanek et al., 1997; Vandevivere et al., 

2001b). Studies have produced convincing evidence that EDDS is a viable 

replacement ligand for EDTA as used in the nuclear industry. In many respects, EDDS 

is as powerful as EDTA and can replace it directly as a readily biodegradable 

alternative. It is now starting to replace EDTA in soil washing and phytoextraction 

(Kos and Lestan, 2003; Tandy et al., 2004). It should not be confused with the other 

stereo-isomers of EDDS however (R, R-, R, S-, S, R-), which are partly or wholly 

non-biodegradable (Schowanek et al., 1997; Takahashi et al., 1997). Several authors 

recently have carried out work on EDDS assisted phytoextraction, mainly on Pb but 

also Zn, Cu, Cd and Ni (Grcman et al., 2003; Kos et al., 2003; Kos and Lestan, 2003, 

2004a, b; Luo et al., 2005; Meers et al., 2005). An immediate leaching risk is possible 

during this method until the EDDS has degraded (Kos and Lestan, 2004a). Three 

studies have also used EDDS for soil washing or heap leaching (Hauser et al., 2005; 

Tandy et al., 2004; Vandevivere et al., 2001a). 

EDDS can be made from ethylene diamine and maleic anhydride (Ramsey- 

Downey and Kerzerian, 1963). This route yields a mixture of stereoisomers consisting 

of 25%[S, S], 50%[R, S]/[S, R], and 25%[R, R]- form (Figure II-B-1). Alternatively, 

single stereoisomers of EDDS can be prepared using 1,2-dibromoethane and a 

selected form of aspartic acid, i. e. [S, S]-EDDS from 1-aspartic acid, [R, R]-EDDS 

from d-aspartic acid (Neal and Rose, 1968) . 
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Figure II-C-1. Chemical structure of the different stereoisomers of EDDS. 

 

Biodegradation work was done on the most degradable form, i.e. [S, S]-EDDS, 

in a variety of environmental compartments. Interestingly, the [S, S]-isomer of EDDS 

was also reported to be produced naturally by a number of microorganisms 

(Nishikiori et al., 1984), such as Amycolatopsisjaponicum sp. nov. (Goodfellow et al., 

1997). 

 

C-2- Iron-carboxylate complexes 

 

Iron is the most abundant transition metal in the natural environment and it exists 

widely in the soil, fresh waters, ocean and atmosphere. It plays an important role in 

environmental and biochemical systems. Polycarboxylate can form strong complex 

with Fe(III) that undergo rapid photochemical reactions in sunlight(Faust and Hoigne, 

1990; Thurman, 1985). For their high photoreactivity, Fe(III)-carboxylate complexes 

are important sources of H2O2 for some atmospheric and surface waters. Therefore, 

the photochemistry of iron complexes in natural aquatic environments has received 

considerable attention over the past fifty years. Fe(II) is oxidized by molecular 

oxygen, whereas Fe(III) is photoreduced by sunlight at the expense of its ligands or 

other sacrificial donors present in the medium. These reactions are integral parts of 

the Fe(III)/Fe(II) photocatalytic cycle, in which organic pollutants undergo 

degradation (Ciesla et al., 2004). 

ECOSAT software (Keizer and Van Riemsdijk, 1999) was used to model EDDS 

and metal speciation in soil solution. The binding of metals to dissolved organic 

matter was modelled using the consistent NICCA-Donnan model (Kinniburgh et al., 
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1999). It was assumed that all dissolved organic matter was in the form of fulvic acids 

(FA) as the soil solution had been filtered through 0.05 mm filter and FA-binding 

constants for generic fulvic acid were taken from Milne et al. (2003). Input 

parameters were the measured soil solution pH, dissolved organic matter, the major 

anions (Cl
-
, NO3

-
, SO4

2-
, PO4

3+
), major cations (Ca

2+
, Mg

2+
) and the metals (Cu, Zn, 

Cd, Pb, Ni, Fe, Mn). Table II-B-1 shows the values and the sources of stability 

constants for EDDS complexes (Susan Tandy et al., 2006).  

 

Table II-C-1. EDDS complex stability constants. Calculated using source values and given at 

0 M ionic strength as overall formation constant β 

 

 

C-3-Photochemistry of Iron-Carboxylate 

 

Iron is the most abundant transition metal in the environment, typically found in 
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concentrations of several µM. Therefore, the photochemistry of the iron complexes in 

natural aquatic environments has received considerable attention over the past fifty 

years. Graedal et al. (Graedel, T. E., et al., 1986; Weschler C. J., et al., 1986) first 

attempted to explain the complicated redox chemistry of transition metals in 

atmospheric waters. They predicted the photolysis of Fe(III) complexes as important 

sources of 
•
OH in cloud, and they also predicted transition metals as the most important 

sink for O2
• -

/HO2
•
radicals in clouds.  

In the presence of dissolved organic ligands of iron, the photoreactivity of iron is 

significantly altered (Figure II-C-2). Oxalic, citric, malic, glyceric, salicylic, tartaric, 

glutaric, gluconic, and p-hydroxybenzoic acids have all been shown to increase 

photoproduction of Fe(II) in solution (Cunningham et al., 1988; Kuma et al., 1992; 

Zuo and Zhan, 2005) by as much as three orders of magnitude depending on the 

nature and concentration of the ligand. Evidence has been presented for the extensive 

organic complexation of iron in oceanic waters (Gledhill and van den Berg, 1994; Rue 

and Bruland, 1995; Wells et al., 1995) which should make homogenous mechanisms 

for Fe(II) photoproduction (Faust B. C., 1994) also relevant to any explanation of 

observed Fe(II) distributions in natural waters. 

 

 

 

Figure II-C-2. The mechanism of photochemical redox cycling of iron in the aqueous 
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solution. Fe(II)-L and Fe(III)-L represent Fe(II) and Fe(III) complexed with Ligand. (Abida, 

2005) 

 

Carboxylic acids are considered to be one of the dominant classes of organic 

compounds found in the atmosphere in a variety of phases (Chebbi and Carlier, 1996; 

Talbot, 1997; Talbot et al., 1995). They have been found in rainwater, snow and ice, 

on aerosol particles and in the gas phase. Low molecular weight organic acids have 

been identified and measured in a wide variety of environments, such as marine and 

continental air, urban, rural and remote atmospheres and tropical and temperate zones. 

The presence of carboxylic acids, in the forms of oxalate, citrate and so on, has a 

significant effect on the speciation and photoactivity of Fe(III) irons in acidic 

conditions, because they may form stable complexes with Fe(III). Free Fe(III) cations 

absorb weakly in the solar UV region (290 nm - 400 nm), but the absorption spectra 

of hydrated or otherwise complexed iron species are shifted toward the visible, which 

might make their use in sunlight possible(Lente and Fábián, 2001). In natural waters, 

photochemically induced electron transfer from the complexing organic ligand to Fe(III) 

in the excited Fe(III)-org complexes can take place, and electron deficient Fe(III)-org 

complexes further reduce O2 to O2
• -

. O2
• -

 rapidly reacts to yield the hydroxyl radical 

(Joseph et al., 2001; Zepp, et al, 1987; Zuo and Hoigné., 1992), as represented in the 

following reactions: 

 

Fe(III)-org complex  + hち  → [Fe(III)-org complex] * 

→ Fe(II) + org radical                           (1) 

org radical + O2  → O2
•- 

+ oxidized org                  (2) 

 Fe(III) + O2
• - → Fe(II) + O2                                     (3) 

2 H
+ 

+ 2 O2
• -

 ↔ H2O2 + O2                                   (4) 

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

-                           
  (5) 

 

Deng and Wu (Deng, et al., 1998; Wu et al., 1999; Wu and Deng, 2000) studied 

Fe(III)-carboxylate complexes used to promote the degradation and decolorization of 
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dyes in aqueous solution under UV light and sunlight. Carboxylic acids can promote 

the photodegradation efficiency. Available data indicate that pyruvic acid is lost in the 

gas phase mainly through photolysis. Mellouki and Mu (Mellouki, Mu, 2003) 

measured the rate constant for the gas phase reaction of 
•
OH with pyruvic acid 

(CH3C(O)C(O)OH). The value obtained was found to be slow (kPA= (1.2 ± 0.4) ×10
-13

 

cm
3 

molecule
-1 

s
-1

 at 298 K). They also detected 
•
OH with a relative quantum yield of 

5 ± 3 % by the photolysis of pyruvic acid (Pyr). Pyrivic acid forms complexes with 

Fe(III) in the form of Fe(III)(Pyr)x (x=1, 2), but the equilibrium constants are 

unavailable from literature. And in our previous works (Wang et al., 2006), we 

investigated the photochemical reactivity of Fe(III)-Pyr complexes and determined 

the amount of �OH produced by the photolysis of the Fe(III)-Pyr complexes in the 

aqueous solution. It was found that the Fe(III)-Pyr system is not catalytic. In the 

aqueous solution containing 10.0 たM of Fe(III) and 60.0 たM of Pyr at pH = 3.0, �OH 

was produced after 160 min of irradiation in amount of 34 たM. The generation rate 

constant of �OH was 0.21 たM L
–1

 min
–1

 and the quantum yield of �OH was 2×10
–2

. 

The study confirms that pH, temperature, concentration of the Fe(III) and Pyr, all 

have a great effect on the �OH yield. Pyr and many other carboxylates can form 

complexes with Fe(III) and other metal ions in aqueous solutions. 

Research results shows that the presence of Fe(III)-carboxylate complexes could 

have a considerable impact on the fate of organic pollutant in aquatic environment. 

Figure II-C-3 (Wang, 2008) presents the reaction scheme for the photolysis of Fe(III) 

complexes of polycarboxylates (oxalate, malonate, citrate). Under irradiation, many 

kinds of active radicals (ROO
•
, O2

•-
, HO2

•
, 

•
OH) are generated in the solution. From 

the scheme, iron concentration, pH and oxygen are all important parameters.  
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Figure II-C-3. Reaction scheme for the photolysis of Fe(III)-polycarboxylate complexes.  

 

In natural waters, the Iron-complexes can potentially use sunlight as the 

irradiation source to produce reactive species, such as 
�
OH, which would play an 

important role in the oxidation of organic materials.  

 

D- pesticide and herbicide 

 

The intensive use of pesticides all over the world has led to a ubiquitous 

contamination of exposed as well as remote areas. The environmental problem caused 

by pesticides has induced some contamination measurements in water (Albanis et al., 

1986; Charreteur et al., 1996; Di Corcia and Marchetti, 1992; Ferrando et al., 1992), 

in soils (Coburn et al., 1976; Durand and Barcelo, 1991) and in the atmosphere (Aston 

and Seiber, 1997; Bidleman and Leonard, 1982; Chevreuil et al., 1989, 1996; 

Haragushi et al., 1994, 1995; McConnel et al., 1998; Millet et al., 1996, 1997; Oehme, 
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1991; Richartz et al., 1990; Sanusi et al., 1997; Seiber et al., 1993; Watanabe, 1998). 

The determination of atmospheric contamination by pesticides is of strong importance 

since it is known that atmosphere is the good pathway for the contamination of remote 

areas and aquatic ecosystems. It has been demonstrated that 98% of 

dichlorodiphenyltrichloroethane (DDT) measured in Canadian Great Lakes comes 

from atmospheric deposition (Chan et al., 1994). Pesticides enter the atmosphere 

through many processes: drift during spraying operations (Payne and Thompson, 

1992; Watanabe, 1998), wind erosion of soil or by volatilisation (Foster et al., 1995; 

Glotfelty et al., 1984, 1989; Haenel �and Siebers, 1994; Kl oppel and �K ordel, 1997; 

Nash, 1989). Atmospheric concentrations of pesticides are an important problem for 

human health and forest ecosystems (Aston and Seiber, 1997; Eriksson et al., 1989; 

Richartz et al., 1990) 

Physical-chemical properties of pesticides were presented in Table II-D-1. 

 

Table II-D-1. Physical-chemical properties of some pesticides (Tomlin, 1997; Mackay et al., 

1997) 

 

 

The main sources for emission of pesticides in the atmosphere and rainfall are 

volatilization during application, volatilization from crops and soil, and wind erosion 

from soil. Once pesticides are emitted to the atmosphere, they can be transported long 

distances from the application site. How far a compound is transported depends on its 

half-life in the atmosphere, which in turn depends on the compounds reactivity (e. g. 
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with OH radicals) and its rate of removal by wet deposition.  

 

D-1- Atrazine 

 

NN

N NHHN

Cl

 

Figure II-D-1 chemical structure of Atrazine 

 

Atrazine (2-chloro-4-ethylamino-6-isopropylamino-1, 3, 5-triazine), one of the 

most widely used herbicides, is registered in more than 70 countries worldwide 

(Kauffmann et al., 2000; Hayes et al., 2002; Zhang et al., 2004). Figure II-D-1 

presents the chemical structure of Atrazine. Atrazine is a selective triazine herbicide 

used to control broadleaf and grassy weeds in corn, sorghum, sugarcane, pineapple 

and other crops, and in conifer reforestation plantings. It is also used as a nonselective 

herbicide on non-cropped industrial lands and on fallow lands. Atrazine is quite 

persistent in neutral environment and is toxic to various living organisms (Tomlin C. 

1994).  

Since 1958, it has been used as a pre- and postemergent herbicide to control 

broad-leafed weeds in the production of corn and grain sorghum. The widespread use 

of atrazine, however, is associated with an increasing incidence of contamination of 

drinking water supplies, with atrazine concentrations above the maximum 

contaminant level (MCL) of 0.1 µg L
-1

 (Commission of the European Communities, 

2001) reported in some regions (Cai et al., 2004; Lambropoulou et al., 2002; Thurman 

et al., 1992;). The behavior of atrazine in the environment depends upon several 

factors, including adsorption to soil components, uptake by plants, transport via runoff 
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and leaching, biodegradation, photodegradation, volatilization, and chemical 

degradation. Efforts have been made to study the adsorption mechanisms of atrazine 

to soil humic substances and clay minerals (Herwig et al., 2001; Piccolo et al., 1998).  

Atrazine is the most commonly detected pesticide in the groundwater of USA (US 

Environmental Protection Agency, 1990; Blanchard and Donald, 1997; Gish, et al., 

1998; Senseman, et al., 1997) and it was also detected in Germany (Dorfler et al., 

1997; Guzzella et al., 1996), France (Garmouma et al., 1997), Canada (Masse et al., 

1998), and Australia (Kookana et al., 1998). 

 

D-1-1- Atrazine degradation 

 

Earlier studies showed that atrazine was better degraded in anaerobic conditions 

than in aerobic one (Kearney et al., 1967). Many chlorinated aliphatic and aromatic 

compounds like Benzene Hexachloride (BHC) and DDT, which were earlier 

considered as recalcitrant in aerobic process, were successfully degraded in anaerobic 

condition (Burge, 1971; Sidderamappa et al., 1975). Literature showed that the 

aromatic structure of lignin, benzoate and other aromatic acids were metabolized to 

gaseous end products in mixed cultures, under methanogenic conditions (Young and 

Haggblom, 1990). However, degradation rate of such compounds by anaerobic mixed 

microbial culture was slow, as the energy required for bacterial growth was not 

adequate from such toxic compounds. In such cases, addition of easily biodegradable 

organic compounds stimulated the growth of anaerobic bacteria, and thereby 

enhanced the degradation rate by utilizing recalcitrant compound as secondary 

substrate in co-metabolic process. Enhanced degradation rate of atrazine was 

observed in both aerobic and anaerobic conditions, when external carbon sources 

were supplied to pure and mixed bacterial culture. Struther et al. (1998) used citrate 

and sucrose as external carbon source whereas Chung et al. (1996) used four different 

external carbon sources, methanol, sodium acetate, acetic acid and glucose. 

Atrazine has recently been a compound of interest for a variety of chemical 

oxidation techniques. Nelieu et al. (2000) degraded atrazine to ammeline using a 
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combined ozone/hydrogen peroxide treatment. Acero et al. (2000) used conventional 

ozonation and the combined ozone/peroxide treatment to degrade low concentrations 

of atrazine. Balmer and Sulzberger (1999) applied an irradiated iron/oxalate treatment 

system to low concentrations of atrazine. Huston and Pignatello (1999) studied a 

photo-Fenton degradation of atrazine, while Arnold et al. (Arnold et al. 1995, 1998) 

applied a classic Fenton approach and combined chemical and biological degradation.  

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), the main feature of them is producing ·OH radicals to 

oxidize various organic contaminants (Figure II-D-2). 

 

 

 

Figure II-D-2. Advanced oxidation technologies 

 

Electrochemical Fenton treatment (Pratap and Lemley, 1994; Roe and Lemley, 

1996) is a radical oxidation process that was developed as an innovative application 

of the Fenton reaction Eq. (1) (Walling, 1975).  

 

Fe
2+

+H2O2→Fe
3+

+OH
-

+HO
·
                             (1) 

 

The method employs an electrochemical cell with iron electrodes (cathode and 
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anode). The anode is a sacrificial electrode that delivers iron to the solution, and the 

cathode functions as an inert electrode for the reduction of water as illustrated by the 

half reactions as follows: 

 

Fe→Fe
2+

+2e
-

                                           (2) 

2H2O+2e
-→H2(g)+2OH

-
                                   (3)   

 

This method has the disadvantage of requiring the Fenton reaction to occur at a 

non-optimal pH close to neutral, due to the formation of hydroxide ion at the cathode. 

Solids are also formed in solution from the precipitation of iron hydroxides. 

AFT(Anodic Fenton treatment) method was applied to atrazine and determine its 

ability to degrade this pesticide and its degradation products (Saltmiras and Lemley, 

2002). Figure II-D-3 is Anodic Fenton treatment apparatus. Seven degradation 

products of Atrazine (Table II-D-2) were quantified for measurement during AFT. 

 

 

Figure II-D-3 Anodic Fenton treatment apparatus. (Saltmiras and Lemley, 2002) 
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Table II-D-2. Seven degradation products of Atrazine (Saltmiras and Lemley, 2002) 

  

   

  

 

 

Figure II-D-4. Proposed degradation pathways for the AFT of atrazine (Saltmiras and 

Lemley, 2002). 

 

A proposed degradation pathway for atrazine during AFT is shown in Fig. II-D-4. 

It shows preferred pathways with bold arrows and minor pathways with broken 

arrows. Dealkylation is the preferred pathway, but dechlorination does take place 

during AFT. The terminal degradation product is ammeline. The detoxifying step of 

dechlorination during AFT is important for atrazine rinse water remediation. The 

presence of chlorine, a xenophore, often inhibits degradation pathways of 

microorganisms, and if AFT were to be used for a prebioremediation technique, 

chlorine removal is important for biodegradation (Alexander, 1994). 
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D-2- 2, 4-Dichlorophenoxyacetic acid (2, 4-D) 

 

The herbicide 2, 4-dichlorophenoxyacetic acid (2, 4-D) is a herbicide widely 

used in the world to control broadleaf weeds in cereals and other crops. Persistence of 

2, 4-D in soil is low because a wide range of soil microorganisms are capable of 

transforming the herbicide (Audus, 1949; Soulas, 1993; Getenga et al., 2004).  

 

OCH2CO2H

Cl Cl

 

Figure II-D-5 Chemical Structures of 2, 4-D 

 

Figure II-D-5 presents the Chemical Structures of 2, 4-D. 2, 4-D is an organic 

acid with pKa of 2.6 and high water solubility (45 g L
-1

). It presents a systemic mode 

of action and has been widely employed in wheat, rice, corn, sorghum and sugar cane 

cultures to control harmful wide-leaf weeds (Thill, 2003). Particularly in Brazil, this 

herbicide is extensively used in many crops (Prado and Airoldi, 2001). Because it is 

highly selective and systemic, this herbicide is transported through the plant, being 

accumulated in the growing roots, inhibiting the growth of weeds. 2, 4-D is classified 

by both ANVISA (Brazilian National Agency for Sanitarian Vigilance) and WHO 

(World Health Organization) as a hormonal herbicide of level II toxicity. It is 

considered as carcinogenic agent, affecting liver, heart and central nervous system, 

leading to convulsions (Maloney and Waxman, 1999; Garcia et al., 2006). This 

herbicide is usually commercialized as salt, amine and ester formulations, and has 

post-emergence action. After its application in field, the excess of the herbicide is 

easily transferred to the groundwater, due to its high solubility in water (600 mg L
-1

 at 

25ºC). Even after a long period of disuse, considerable amounts of either 2, 4-D or its 

main product of degradation, 2,4-dichlorophenol (Amarante Junior et al., 2003), 
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might be found in surface waters, and groundwater as well.  

Ester formulations of 2,4-D have persistence in soil similar to amine salt 

formulations because 2,4-D esters are rapidly converted to the acid or anionic form 

(Grover, 1973; Wilson et al., 1997). Microbial breakdown of 2, 4-D in soil begins 

with the removal of the carboxyl side chain (1-C position) or the either linkage (2-C 

position) (Foster and McKercher, 1973; Roberts et al., 1998), forming 2, 

4-dichlorophenol (2, 4-DCP) and other phenolic metabolites that are further degraded 

by cleavage and oxidation of the phenyl ring (Smith and Aubin, 1991; Roberts et al., 

1998). Complete mineralization of herbicides is desirable from an agri-environmental 

standpoint because the entire herbicide molecule is reduced to carbon dioxide and 

other inorganic compounds. 

Since the herbizide 2, 4-D is one of the most widely applied agrochemicals, 

much effort has been put into investigations for its degradation by advanced oxidation 

processes (AOPs) which are based on the oxidation of pollutants by 
·
OH-radicals. For 

2, 4-D removal mainly photocatalytical and photo-Fenton treatment as well as the 

combination of these methods with ozone have been applied (Sun and Pignatello, 

1995; Modestov and Lev, 1998; Muller et al., 1998; Piera et al., 2000). 2, 

4-Dichlorophenol (2, 4-DCP) was found as an intermediate product (Herrmann et al., 

1998; Sun and Pignatello, 1993b). Figure II-D-6 presents the proposed pathway for 

the degradation of 2, 4-D by the Fe(II)/UV/H2O2 method (Carla et al., 2006).  
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Figure II-D-6. Pathway for degradation of 2, 4-D by the Fe(II)/UV/H2O2 (Carla et al., 2006) 
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Ш-EXPERIMENTAL MATERIALS AND METHODS 

 

A-REAGENTS 

 

Ferric perchlorate (Fe(ClO4)3·9H2O), Fluka, > 97%. 

S, S'-Ethylenediamine-N, N'-disuccinic acid Trisodium Salt Solution, (EDDS), 30% 

in water, Fluka 

2, 4-dichlorophenoxyacetic acid, Sigma, > 99%. 

2, 4-Dichlorophenol, Sigma, > 99%.  

Pyruvic acid, Sigma, > 99%.  

FeSO4·(NH4)2SO4·6H2O, Aldrich, 99%. 

3-(2-pyridyl)-5, 6-Dipheryl-1,2,4-triazin-4, 4'-disulfonate (ferrocine) Aldrich, 97%. 

Ammonium acetate, Fisher Scientific, Analytical reagent grade. 

8-Hydroxyquinoline-5-sulfonic acid hydrate (HQSA), Aldrich, > 98%. 

Benzene, Shangai chemical reagent Co. LTD., > 99%. 

Phenol, Shangai chemical reagent Co. LTD., > 99%. 

Sodium hydroxide, Prolabo, > 97%. 

Ammonium acetate, Aldrich, > 98%. 

Potassium Ferrioxalate, synthesized in LPMM laboratory. 

Sulfuric acid, Merck, made in EEC, > 95%. 

Ferric chloride, Fluka, 99%. 

Phosphoric acid, sigma-Aldrich, > 85%. 

Acetic acid, Aldrich, > 99%. 

Perchloric acid, Merck, > 97%. 

1, 10-phenanthroline, Fluka, > 99%. 

Potassium hydrogen phthalate, Nacalai tesque, Inc. KYOTO. Japan. 

Sodium carbonate, Nacalai tesque, Inc. KYOTO, Japan. 

Sodium hydrogen, Nacalai tesque, Inc. KYOTO, Japan. 

Methanol, Carlo Erba Reagenti, HPLC grade. 
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Acetonitrile, Carlo Erba Reagenti, HPLC grade. 

Ammonia (NH3 aq solution 25%). 

Isopropanol, Aldrich, > 99.5%   

Goethite(α-FeOOH), synthesized in LPMM laboratory. 

 

B-PREPARATION OF SOLUTIONS 

 

B-1-Preparation of stock solutions 

 

(a) Fe(III) stock solution (2 mmol L
-1

) 

 

Great care was taken to prepare the solutions of Fe(III) in order to prevent 

evolution and/or precipitation of Fe(III). A certain quantity of Fe(ClO4)3·9H2O 

(0.2582 g) was diluted to 250 ml by adding an appropriate volume of Milli-Q water to 

get the desired concentration of Fe(III) and the pH value of the stock solution was 

adjusted to pH 2.0 by perchloric acid. 

 

(b) [S, S']-stereoisomer of ethylenediaminedisuccinic acid (EDDS) stock solution 

(2 mmol L
-1

) 

 

0.4776 g of EDDS was diluted to 200 ml by adding an appropriate volume of 

Milli-Q water to get the desired concentration of EDDS. 

 

(c) Pyruvic acid (Pyr) stock solution (2 mmol L
-1

) 

 

0.035 ml of Pyr was diluted to 250 ml by adding an appropriate volume of 

Milli-Q water to get the desired concentration of Pyr.  

 

(d) Ferric-EDDS complex stock solution (2 mmol L
-1

) 

1.194 g of EDDS and 0.5164 g of Fe(ClO4)3·9H2O were mixed and diluted to 

500 ml by adding an appropriate volume of Milli-Q water to get the concentration 
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[Fe(III)]/[EDDS] = 2mmol L
-1

/2mmol L
-1

. 
 

 

(e) Fe (II) stock solution (0.45 mmol L
-1

) 

 

0.0882 g of FeSO4·(NH4)2SO4·6H2O was diluted to 500 ml by adding an 

appropriate volume of Milli-Q water to get the desired concentration of Fe (II).  

 

(f) 2, 4-dichlorophenoxyacetic acid (2, 4-D) stock solution (1 mmol L
-1

) 

 

0.05526 g of 2, 4-D was diluted to 250 ml by adding an appropriate volume of 

Milli-Q water to get the desired concentration of 2, 4-D.  

 

(g) Atrazine stock solution (30 mg L
-1

) 

 

0.03 g of atrazine was diluted to 1000 ml by adding an appropriate volume of 

Milli-Q water to get the desired concentration of atrzine. 

 

(h) Benzene stock solution (10 mmol L
-1

) 

 

Benzene was diluted to 1 L Milli-Q water. The solution was stirred with a 

magnetic bar to insure the complete dissolution of benzene. 

 

(i) Acetic sodium buffer  

 

The buffer of acetic sodium was prepared by mixing 600 mL of acetic sodium (1 

N) and 360 mL of sulfuric acid (1 N) with end volume of 1 L by adding an 

appropriate volume of Milli-Q water.  

 

(j) Potassium ferrioxalate 

 

Potassium ferrioxalate used for actinometry was prepared from potassium 

oxalate and ferric chloride, according to the procedure proposed by Calvert and Pitts 
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(Calvert et al., 1966), and carefully stored in the dark.  

 

(k) 8-Hydroxyquinoline-5-sulfonic acid hydrate (HQSA) solution (0.1 mol. L
-1

) 

 

The HQSA solution was prepared by dissolution of HQSA (1.21 g) in 50 mL of 

NaOH (0.12 mol L
-1

). Great care was taken to wash the flask by HNO3 to avoid that 

Fe adhered to the flask surface.  

 

(l) Hydroxylamine chlorhydrate 

 

Hydroxylamine chlorhydrate soluton was prepared by mixing 104.25 g of 

Hydroxylamine chlorhydrate and 200 mL of hydrochloric acid (32%) with end 

volume of 500 mL by adding an appropriate volume of Milli-Q water. 

 

(m) Ammonium buffer 

 

192.7 g of ammonium acetate was diluted by adding 200ml of Milli-Q water. It 

was solution of ammonium acetate. Ammonium buffer was prepared by mixing 

ammonium acetate solution and 170mL of ammonia (25%) with the end volume of 

500ml by adding an appropriate volume of Milli-Q water. 

 

(n) Ferrozine  

  

0.197 g of ferrozine was diluted to 20 ml by adding an appropriate volume of 

Milli-Q water. Solution was stock at 4 ℃. 

 

  

B-2-Preparation of reaction solutions 

 

All the reaction solutions were all prepared with Milli-Q water. The pH values 

were adjusted with perchloric aid (1 N) and NaOH (1 N) by a JENWAY 3310 

pH-meter to ±0.01 pH unit.  
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The suspension was dispersed by using an ultrasonic disperser for 20min. The 

particle size of the dispersed goethite was <2 µm. After a shaking period, the goethite 

suspensions were centrifuged at 12000g for 20 min. 

When necessary, reaction solutions were deaerated or oxygenated by purging 

with argon or oxygen before irradiation. The purging time depend on the solution 

volume: 20min for the big volume solutions (100 mL) and 10 min for the small 

volume solutions (5 mL).  

 

C-IRRADIATION 

 

C-1-Ferrioxalate actinometry 

 

The light intensity I0 was measured by ferrioxalate potassium (K3Fe(C2O4)3) 

actinometer (Calvert and Pitts, 1966). This method depend on the photochemical 

reactivity of K3Fe(C2O4)3 in the acid solution. Under irradiation, Fe(III) was reduced 

to Fe(II) and oxalate ion was oxidized to CO2. The reactions are as follows: 

 

( )[ ] ( )[ ]
( )[ ] ( )[ ]
( )[ ] ( )[ ] )3(CO2OCFeOCFe

(2)OCOCFeOCOCFe

(1)OCOCFeOCFe

2

2
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342

3

2

42

2

342

3

42

3

342

3

42

2
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2h3

342

3

+⎯→⎯

+⎯→⎯+

+⎯→⎯

−+−+

−−+−•−+

−•−+−+ υ

 

 

Fe
2+

 can form stable red complex with 1, 10-phenanthroline. Fe(II) 

concentrations were determined by complexometry using ε510 = 1.118 ×10
4
 mol

−1
 L   

cm
−1

 for the complex of Fe(II) with o-phenanthroline. The principle of this assay is 

the following: after irradiation of a volume (V1) of ferrioxalate potassium solution 

(0.006 mol L
-1

) for a time t (expressed in seconds), we added at 2 mL (V2) of this 

irradiated solution, 1 mL of acetate buffer, and 0.5 mL of 1, 10-phenanthroline (0.1% 
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by mass). The solution is then filled with pure water up to 5 mL (V3). After agitation, 

the solutions were kept in the dark for 1h and then the UV-vis measurement was 

carried out at 510nm in a cell with an optical path equal to ℓ. 

The number of Fe(II) formed during the photo reaction was calculated with the 

following formula: 

 

5105102

51031

20

5105102

031

20 10023.6)/log(10023.6
2 εε ⋅⋅

⋅⋅⋅⋅=⋅⋅
⋅⋅⋅⋅=+

lV

ODVV

lV

IIVV
n T

Fe
 

 

With OD510 = (ODsolution – ODbalnk)510 , the value of the absorbance at 510 nm of 

the blank is obtained with the same solution of potassium ferrioxalate, but not 

irradiated and prepared as before. 

The number of Fe
2+

 formed is proportional to the fraction of absorbed light by the 

solution during this time t. Then the intensity emitted by the system, in photons per 

second for the volume V1, is equal to:  

 

)101(2

2

0 OD

Fe

Fe

t

n
I −−⋅⋅=

+

+

φ  photons s
-1 

 

(1-10
-OD

) is the percentage of photons absorbed by the solution at the wavelength 

of irradiation at time t = 0.  

Then: 

 

)101(

10023.6

25105102

51031

20

0 DO

Fe tlV

ODVV
I −−⋅⋅⋅⋅⋅

⋅⋅⋅⋅=
+φε   photons s

-1
 V1 mL 

 

These photonic flows were expressed in photons s
-1

 cm
-2

, because with parallel 

beam, V1 can be assimilited to the length of the optical path of the cell ℓ irr; these 

flows were monitored throughout this work. 

 So, 
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)101(

10023.6

25105102

5103

20

0 DO

Fe

irr

tlV

DOlV
I −−⋅⋅⋅⋅⋅

⋅⋅⋅⋅=
+φε   photons s

-1
 cm

-2 

 

 

C-2-Irradiation with monochromator 

 

 

For the determination of quantum yields, solutions were irradiated in 

monochromatic parallel beam in 1 cm (path length) quartz cell or 2 cm (path length) 

cylindrical quartz cell. The light source was a high-pressure mercury lamp Osram 

HBO 200W equipped with a monochromator Bausch and Lomb or Jobin Yvon. 

Figure III-C-1 gives a picture of the monochromatic irradiation device. The 

monochromatic irradiations were carried out separately at wavelength 365, 334, 313 

and 296 nm. The light intensity was measured by ferrioxalate actinometry (Calvert 

and Pitts, 1966). The photon flux of the monochromatic irradiation at different 

wavelength is listed in Table III-C-1. When necessary, solutions were deaerated or 

oxygenated by bubbling with argon or oxygen for 10 min before irradiation.  

 

 

Figure III-C-1 Monochromatic irradiation device 
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Table III-C-1. The photonic flux at 365, 334, 313 and 296 nm 

λirr(nm) 365 334 313 296 

I0 (10
14 

photons⋅ s-1⋅ cm
-2

) 4.47 3.15 5.41 1.42 

 

All the quantum yield calculations depend on the following formulas (1), (2), (3) 

and (4): 

 

tI

lC

a Δ⋅
⋅⋅⋅Δ=Φ 2010023.6

       (1) 

 irrDOa

I

I λ−−= 101
0

            (2) 

 

Where (1-10
-ODλirr

) represents the percentage of the light absorption by the 

solution when t = 0, I0 is the number of the photons entering the reaction cell per 

second determined by actinometry and l is the length of irradiation cell in cm.  

So we can get formula (3).  

 

)101(

10023.6

0

20

irr
DO

tI

lC
λ−−⋅Δ⋅
⋅⋅⋅Δ=Φ      (3) 

 

For the organic pollutants 2, 4-D and atrazine used in the thesis, the quantum 

yield can be calculated by the change of their concentrations (ΔC) using formula (3). 

For the calculation of Fe(II) generation quantum yield, we can use formula (4),  

ΔDO510nm/ε510nm also represents the change of the Fe(II) concentration during the 

irradiation.  

 

tIL

OD
irrOD ⋅−⋅⋅⋅

⋅⋅Δ=Φ −
)101(

.10023.6

0

20

λε
`

  (4) 
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L is the length of the cell used for the measurement of the optical density (OD). 

 

C-3-Irradiation at 365nm 

 

The irradiation experiments were performed in a home-made photoreactor placed 

in a cylindrical stainless steel container. The reaction device consists of four tubes 

(Philips TLD 15W / 05), whose emission spectrum is from 300nm to 450nm with a 

maximum irradiation at 365 nm (Figure III-C-2). These four tubes were separately 

placed in the four different axes, while the photoreactor, a water-jacketed Pyrex tube 

of 2.8 cm diameter, was placed in the center of the setup (Figure III-C-3). The 

solution (usually 100 mL) was continuously magnetically stirred with a magnetic bar 

during irradiation to insure its homogeneity. Control experiments showed that no 

degradation of 2, 4-D or atrazine occurred in Fe(III) or Fe(III)-Carboxylate complexes 

without irradiation in this photoreactor. 

 

 

Figure III-C-2. Emission spectra of tube Philips, TLD 15W/05. 
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Figure III-C-3 Home-made photoreactor with four tubes (Philips TLD 15W / 05)  

 

 

D-ANALYSIS METHODS 

 

D-1-Spectroscopy methods 

 

UV-vis Spectrophotometer  

 

The UV–visible spectra of the solutions were recorded on a Cary 300 double beam 

spectrophotometer. 

 

D-2-Chromatography methods 

 

HPLC was used for products analysis:  

A Waters chromatograph equipped with two pumps Waters 510, an auto-sampler 

717 and a Waters 996 photodiode array detector. 

 

Two HPLC columns were used in the work: 

a. Merck C-18 column (150 mm × 2.1 mm × 5 たm).   
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b. An Agilent ZORBAX Eclipse XDB-C8 (reverse phase) of 4.6 mm (ID) × 1 50 

mm (length) with a particle diameter of 5 µm.  

 

The mobile phases used in the research are the following: 

 a. To analyze 2, 4-D and its photoproducts (2,4-DCP), a mixture of Ammonium 

acetate (20 mmol L
-1

) and methanol (40/60, v/v) was used as mobile phase and the 

flow rate was 1.0 mL min
-1

. The detection wavelength was at 284 nm.   

b. To analyze atrazine and its photoproducts, a mixture of acetonitrile/water 

mixture (50/50, v/v) was used as mobile phase and the flow rate was 1.0 mL min
-1

. 

The detection wavelength at 240 nm. 

c. The formation of phenol from benzene was monitored at 270 nm and the 

eluent was acetonitrile/water mixture (30/70, v/v) at a flow rate of 1.0 mL min
-1

. 

 

 

D-3-Dosage methods 

 

Fe(II) 

 

Under irradiation, Fe(II) is formed in aqueous solutions in the presence of Fe(III). 

The concentration of Fe(II) was determined by complexometry with 1, 

10-phenanthroline taking ε510 nm = 1.118×10
4
 L mol

−1
 cm

−1
 (Calvert and Pitts, 1966). 

 A certain quantity of Fe(NH4)2SO4 solution was used as Fe(II) sources to make a 

calibration curve (as shown in Figure III-D-4). The molar absorption coefficient was 

11450 L mol
−1

 cm
−1

, which is nearly the same as the reference value ε510 nm = 11180 L 

mol
−1

 cm
−1

. By means of the calibration curve, it was carefully checked that no 

interference in the analysis was observed when 2, 4-D or atrazine was present in the 

solution. 
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Figure III-D-4. Calibration curve of Fe(II) concentration 

 

Fe(OH)
2+ 

 

The concentration of the most photoactive species, [Fe(OH)
2+

], was determined 

by using 8-hydroxyquinoline-5-sulfonic acid (HQSA) (Faust et al., 1990). The 

absorbance of the tris complex Fe(HQSA)3 was measured at そ = 572 nm (ε = 5000 

mol
-1

 .L .cm
-1

). The molar fraction of Fe(OH)
2+

 (x Fe(OH)2+) was expressed as the ratio 

of [Fe(OH)
2+

] to total Fe in solution.  

 

2
2 [ ( ) ]

% ( )
[ ]total

Fe OH
Fe OH

Fe

++ =  

 

Total iron 

 

Total iron was determined using ferrocine by the reaction of complexometry 

method described by Stookey (1970). Ferrocine is a disodium salt of 3-(2-pyridyl)-5, 

6-diphenyl-1,2,4-triazin-4,4′-disulfonate. This compound reacts with divalent iron to 

form stable magenta complex species which is very soluble in water and may be used 

for the direct determination of iron in water. The visible absorption spectrum of the 

ferrous complex of ferrocine exhibits a single peak with maximum absorbance at 562 

nm (figure III-D-5). Figure III-D-6 shows the Calibration curves of total iron.  
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Figure III-D-5 visible absorption spectrum of the ferrous complex of ferrozine 
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Figure III-D-6 Calibration curves of total iron 

 The molar absorption coefficient was 13560 L mol
-1

 cm
-1

. 

 

Hydroxyl radicals 

 

OH

·OH+
hち
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Scavenging of 
•
OH by high concentrations of benzene has been used to determine 

the yield 
•
OH radicals formation. Aromatic hydroxylation is one of the typical reactions 

of 
•
OH and is used for detection of 

•
OH in the case of Fenton reaction and of the 

photolysis of aqueous of HNO2, NO3
-
 and NO2

-
 (Arakaki et al., 1999). Benzene is very 

unreactive toward O2 (
1Δg) (Zepp et al., 1987). The hydroxylation of benzene by ·OH to 

produce phenol is a fairly selective process. Given the high reactivity of benzene with 

•
OH (k ≈ 8 × 10

9
 L.mol

-1
.s

-1
) (Kochany and Bolton, 1992; Pan and Schuchmann, 1993) 

and under the conditions of these experiments, virtually all of the 
•
OH should have been 

scavenged by benzene. The destruction rate of phenol by direct photolysis and by 

peroxyl radicals, O2(
1Δg) and other oxidants is expected to be slow by comparison to the 

rate of phenol formation from the 
•
OH through the oxidation of benzene (Liu et al., 

2004).  

It was thought that 
�
OH-mediated oxidation of benzene forms phenol with a 

nearly 100% yield (Faust and Allen, 1993; Joseph et al., 2001; Wang et al., 2006), and 

thus the concentrations of photochemically formed hydroxyl radicals were determined 

as equation (a), where, CPhenol is the concentration of phenol at time t. 

 

OH PhenolC C=i                   (a) 

 

D-4-Molar ratio method 

 

M + n L = MLn     (1) 

M represents the metal ion; L represents the acid ions (ligand). 

 

The method is based on the spectrophotometric measurements. We keep constant 

the concentration of metal ions in aqueous solution and the concentration of the 

relative acid is increased in the experiment. The absorbance of the aqueous solution 

increase with the increase of the acid concentration until it becomes stable, which 
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indicate that the metal ions are totally complexed by the acids.  

 

 

Figure III-D-7. Measurements of the absorbance as a function of the composition of the 

complex n=CL/CM 

 

As shown in Figure III-D-7, the absorbance of the aqueous solutions was set as Y 

axis, the corresponding ratio of CL / CM was set as X axis. Then the ratio of CL / CM 

represents the composition of the complexes. The stoichiometry of the complex 

corresponds to the ratio (CL / CM) where the absorbance starts to be stable; no more 

increase is measured with the supplementary addition of acids.  
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IV-study on photoactivity of Fe(III)-EDDS complex 

 

IV-A-physicochemical property of Fe(III)-EDDS complex 

 

A-1-Properties of Fe(III) solutions 

 

The absorption spectrum of an aqueous solution with 0.3 mmol L
-1

 Fe(ClO4)3 as 

a function of time after preparation is shown in Figure IV-A-1. Freshly prepared 

solutions presents a maximum absorption at about 297 nm characteristic of the 

monohydroxy complex [Fe(OH)(H2O)5]
2+

. Upon standing in the dark, the absorption 

spectrum gradually increased in intensity and shifted to longer wavelengths; this can 

be rationalized by assuming a gradual and irreversible conversion of monomeric iron 

species to oligomeric ones (Flynn, 1984).  
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Figure IV-A-1 UV-Visible absorption spectra of an aqueous solution with 0.3 mmol L
-1

 of 

Fe(III) (different time after the preparation) 

 

Since pH value plays an important role on the distribution of Fe(III) species in the 
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aqueous solutions, experiments to control this important effect were carried out in the 

previous works (Wang, 2008). The pH values of the aqueous solutions with 0.3 mmol 

L
-1

 of Fe(ClO4)3 were adjusted to 1.5, 2.5, 3.15, 4.3, 5.4, 6.8, 7.6 and 8.5. Figure 

IV-A-2 presents the variation of the UV-visible spectra as function of the pH value. 

Fe(OH)
2+

 was the predominant species when pH value ranged from 2.5 to 4.0. While 

at pH below 2.0, [Fe(H2O)6]
3+

 become the major species. From pH 5.0 to 6.0, 

Fe(OH)2
+
 gradually become the major species but this species rapidly disappears with 

time. When pH is over 7.0, Fe(OH)3 is formed in the aqueous solutions and 

precipitate. 
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Figure IV-A-2 pH effect on the distribution of Fe(III) species in aqueous solutions(Wang, 

2008). 

 

A-2-Property of the EDDS 

 

Carboxylic acids are important components of the Fe complexes in natural 

environment. Many references have reported the physical and chemical properties of 

Fe(III)-Carboxylate complexes, such as Fe(III)-EDTA, Fe(III)-Citrate, Fe(III)-oxalate, 

Fe(III)-NTA (NTA = nitrilotriacetic acid) and Fe(III)-pyruvate complexes. However, 
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little bibliography reports about the Fe-EDDS complex. EDDS is one kind of 

important carboxylic acids. EDDS can be made from ethylene diamine and maleic 

anhydride (Ramsey-Downey and Kerzerian, 1963). This route yields a mixture of 

stereoisomers consisting of 25%[S, S], 50%[R, S]/[S, R], and 25%[R, R]-form. 

Alternatively, single stereoisomers of EDDS can be prepared using 1, 

2-dibromoethane and a selected form of aspartic acid, i.e. [S, S]-EDDS from 

1-aspartic acid, [R, R]-EDDS from d-aspartic acid (Neal and Rose, 1968). S, 

S-ethylenediaminedisuccinic acid (EDDS) is a biodegradable chelating agent that is a 

structural isomer of EDTA. Biodegradation work was done on the most degradable 

form, i.e. [S, S]-EDDS, in a variety of environmental compartments. Interestingly, the 

[S, S]-isomer of EDDS was also reported to be produced naturally by a number of 

microorganisms (Nishikiori et al., 1984), such as Amycolatopsisjaponicum sp. nov. 

(Goodfellow et al., 1997). So, it is necessary to study the basic properties of S, 

S’-EDDS used in this work before studying the physical properties of carboxylate 

complex. Figure IV-A-3 presents the UV-visible spectra of EDDS.   
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Figure IV-A-3 the UV-visible spectra of EDDS ([EDDS]=1 mol L
-1

). 
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Figure IV-A-4 UV-Visible absorption spectra of EDDS as function of pH. ([EDDS] = 0.3 

mmol L
-1)

  

 

Experiments were performed under different pH values. pH values of EDDS 

([EDDS] = 0.3 mmol L
-1

)
 
solutions ranged from 1.6 to 11.5. Figure IV-A-4 presents 

the UV-Visible absorption spectra of EDDS as function of pH. Results show that the 

absorbance increases between 200 nm and 240 nm when the pH increases. This effect 

was accelerated from pH higher than 7.0. Table IV-A-1 lists the EDDS base 

dissociation constants of EDDS in the form of pKa, which is the negative of the 

logarithm of the acid dissociation constant Ka (Vandevivere et al., 2001). 

 

Table IV-A-1. Molecular structures and acidity constants of ethylenediamine-disuccinicn 

acid (EDDS) (25 , 0.1 M KNO℃ 3). (Vandevivere et al., 2001) 

EDDS molecular formula pKa 

O

N

H

O

N

H

OH

O

HO O

OH

OH
 

pK1 

pK2 

pK3 

pK4 

2.1 

3.0 

6.4 

10.4 

 

Consequently, EDDS equilibrium for the solutions is described here, Eq. (1) - (4). 
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For simplification, EDDS molecules will not be included in the chemical formulae. 

EDDS molecules were substituted by H4A. 

 

H4A→H
+
+H3A

-
                K1      (1) 

H3A
-→H

+
+H2A

2-                      
K2       (2) 

H2A
2-→H

+
+HA

3-
               K3      (3) 

HA
3-→H

+
+A

4-           
          K4      (4) 

 

Figure IV-A-5 was the distribution diagram of the EDDS in the aqueous solutions 

as a function of pH values range from 0 to 14. And the distribution diagram was 

calculated with equilibrium constants from (Vandevivere et al., 2001), 25 ℃. [H2A
2-

] 

was the dominant species in EDDS aqueous solutions between pH 5.3 and 6.8. 
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Figures IV-A-5. the distribution diagram of EDDS aqueous solution as a function of pH 

values range from 0 to 14, calculated with equilibrium constants from (Vandevivere et al., 

2001), 25 ℃. 

.  
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A-3-Study of the stoichiometric composition of Fe(III) in complexes with EDDS 

 

Measurements of the composition of complexes formed by Fe(III) and 

carboxylic acids were carried out using molar ratio method mentioned in part II 

experimental methods.  

The stoichiometric composition of Fe(III)-EDDS complex was studied by the 

molar ratio method. The concentration of Fe(III) was kept constant at 0.3 mmol L
-1

. 

Then the concentration of EDDS was increased from 0 to 1.0 mmol L
-1

. In order to 

prevent evolution and/or precipitation of Fe(III) ions, the iron aqueous solutions pH 

was fixed at pH 2.0. Figure IV-A-6 presents the UV-Visible absorption spectra of 

mixtures of EDDS and Fe(III) in aqueous solutions and the evolution of the 

absorbance at 340 nm as a function of the EDDS concentration. 
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Figure IV-A-6. (a) the UV-Visible absorption spectra of mixtures of EDDS and Fe(III) in 

aqueous solutions; (b) the evolution of the absorbance at 340 nm as a function of the EDDS 

concentration. 

 

340 nm was chosen as the characteristic absorbance of the Fe(III)-EDDS 

complex: the organic moiety no longer absorbs at that wavelength and the absorbance 

of Fe(III) aquacomplexes is far lower at pH = 2.0. The absorbance at 340 nm 

increased with the increase of the EDDS concentration. However, the absorbance 

became stable when the concentration of EDDS reached around 0.3 mmol L
-1

. This 

observation indicated that Fe(III) was totally complexed by EDDS. It can be 

concluded that the stoichiometric ratios of Fe(III)-EDDS complex is 1:1.  

 

A-4-Property of Fe(III)-EDDS complex 

 

Fe(III)-EDDS complexes and Fe(III)-pyruvate complexes were used in this work. 

So it is necessary to know the basic properties, such as their stabilities with the time at 

room temperature and with the variation of the pH. But the property of Fe(III)-EDDS 

complex was integrated studied in the previous works, experiments was carried out to 

study the property of Fe(III)-EDDS complex in this thesis. 
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A-4-1 Stability of Fe(III)-EDDS complex 

 

In order to study the stability of the Fe-EDDS complex, the stock solutions with 

2 mmol L
-1

 Fe(III) and 2 mmol L
-1

 EDDS was kept in the dark place and at room 

temperature at least 10 days. Equilibrium was reached within 24 hours for all 

solutions in which precipitation did not occur. Figure IV-A-7 presents the UV-Visible 

absorption spectra of the solutions. The results show that Fe-EDDS complex is stable 

in our conditions. The stock solutions were kept at 4 °C. The stability of solutions 

used for the irradiation experiments with low concentration Fe(III)/EDDS = 0.3 mmol 

L
-1

/0.3 mmol L
-1

 was also measured in 2 days. As shown in Figure IV-A-8, it presents 

the same stability as the stock solution within two days. 
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Figure IV-A-7 Stability of the Fe(III)-EDDS complexes ([Fe(III)/EDDS]= 2 m mol L
-1

/2 m 

mol L
-1

) as a function of time, in the dark and at room temperature.  
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Figure IV-A-8 Stability of the Fe(III)-EDDS complex ([Fe(III)/EDDS]= 0.3 m mol L
-1

/0.3 m 

mol L
-1

) as a function of time, in the dark and at room temperature 

 

A-4-2 pH effect 

 

Since Fe(III) and EDDS can form stable complex with a 1:1 molar ratio, 

experiment was performed with the stock solution of the complex. Experiments were 

performed to study the pH effect on the stability of Fe(III)-EDDS complex. As shown 

in Figure IV-A-9, the UV-Visible absorption spectra of aqueous solutions with 0.3 

mmol L
-1

 Fe(III) and 0.3 mmol L
-1

 EDDS change according to the modification of the 

pH value between 1.52 and 11.0. Figure IV-A-9 (b) shows the variation of the 

absorbance at 340 nm. Figure IV-A-9 (b) also indicated an inflexion point near pH 4.3, 

7.08 and 10. 
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Figure IV-A-9 UV-Visible absorption spectra of Fe-EDDS complex solution as function of pH. 

[Fe(III)]/[EDDS] = 0.3 mmol L
-1

/0.3 mmol L
-1 

 (a) UV-Visible spectra of Fe(III)-EDDS complex; (b) Absorbance at 340 nm 

 

A-4-3 Irradiation effect 

 

Photolysis of Fe (III)-EDDS complex ([Fe(III)/EDDS] = 0.1 mmol L
-1

/ 0.1 mmol 
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L
-1

) was studied in the aqueous solution under irradiation. Results were shown in 

Figure IV-A-10. In 30 min of irradiation, the UV-Visible absorbance of the solution 

strongly decreased. These results indicated that under 365 nm, these complexes were 

easily photolyzed and it provided the possibility for the formation of excited state 

complexes and further generated many kinds of radicals. Further experiments have 

been carried out and this conclusion has been confirmed in the later part of the thesis. 
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Figure IV-A-10. Variation of UV-visible spectra of Fe(III)-EDDS complex ([Fe(III)/EDDS] = 

0.1mmol L
-1

/0.1 mmol L
-1

) under irradiation (365 nm) 

 

Conclusions 

 

In our experimental conditions, we demonstrated that Fe(III) was complexed by 

EDDS with a ratio 1:1. We also checked the stability of Fe-EDDS complex in the dark 

and at room temperature. Fe(III)-EDDS is stable in the aqueous solutions in our 

experimental conditions (pH = 2.0 and pH = 3.0). Our results show that the pH is an 

important parameter for the stability of the complex and its speciation. At lower pH (< 

2.0) a phenomenon of decomplexation can be observed. 
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IV-B-Determination of hydroxyl radicals from photolysis of 

Fe(III)-EDDS complex in aqueous solutions 

 

The presence of carboxylic acids, such as oxalate acid, citrate acid, pyruvic acid, 

and so on, has a significant effect on the speciation and the photoactivity of Fe(III) 

irons in acidic conditions. They can form stable complexes with Fe(III) irons. Free 

Fe(III) ions absorb weakly in the solar UV region (290 nm~400 nm), but the 

absorption spectra of hydrated or otherwise complex iron species (iron pairs) are 

shifted toward the visible, which might make their use in sunlight possible (Lente and 

Fábián, 2001). In natural waters, photochemically induce electron transfer from the 

complexing organic ligand to Fe(III) in the excited of Fe(III)-org complexes can take 

place, and subsequently, the electron deficient Fe(III)-org complexes further reduce 

O2 to O2
•-

. O2
•-

 rapidly reacts to yield the hydroxyl radicals (Zuo and Hoigné, 1992; 

Joseph et al., 2001; Zepp et al., 1987). In the previous works, photogeneration of 

hydroxyl radicals were in the aqueous solutions of Fe(III)-citrate, Fe(III)- pyruvate 

and so on. In this work, we studied the photogeneration of hydroxyl radicals in the 

aqueous solutions in the presence of Fe(III)-EDDS complex.  

Photogeneration of 
•
OH by the photolysis of Fe(III)–EDDS complexes in 

aqueous solution has been determined using benzene (7 mmol L
-1

) as a scavenger and 

the selected typical reaction was the formation of phenol from benzene. Due to the 

big difference of concentration between benzene and phenol formed, we can consider 

that 
•
OH radicals react mainly with the benzene. Through detecting the phenol 

formed in the reaction solution, we can quantify 
•
OH generated in the reaction. The 

mechanism of photoproduction of 
•
OH in the aqueous solutions containing 

Fe(III)-EDDS complexes can presumably be interpreted as the following reactions 

scheme: eq. (1)-eq. (5): 

 

Fe(III)-EDDS complex + hち→ [Fe(III)-EDDS]*→ Fe(II) + org radical         (1)                  

org radical + O2 → O2
· - 

+ oxidized org                                   (2) 
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Fe(III) + O2
· - → Fe(II) + O2                                                     (3) 

2 H
+ 

+ 2 O2
· -

 ↔ H2O2 + O2                                                          (4) 

H2O2 + Fe(II) → Fe(III) + ·OH + OH
-                                                

  (5) 

 

B-1-Generation of hydroxyl radicals in the irradiated aqueous solution containing 

Fe(III)-EDDS complex 

 

Fe(OH)
2+

 

+ hち→ Fe
2+

 

+ OH
_

+ ·OH 

 

The concentration of the 
•
OH radicals production by the photolysis of the 

Fe(III)-EDDS complex was determined. As shown in Figure IV-B-1, under the 

condition of 8h irradiation and at pH 3.0, the concentration of 
•
OH generated in the 

system containing the Fe(III)-EDDS complex was 42 µmol L
-1

. The possible 

production of the hydroxyl radical in the thermal reaction was experimentally checked 

and no hydroxyl radicals were generated. The presence of oxygen in the aqueous 

solution was found to be an important factor for the ·OH production, because in 

anaerobic conditions, the experiments showed that no 
•
OH was generated (Figure 

IV-B-1).  
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Figure IV-B-1. Comparison of 
·
OH formation under different conditions for an aqueous 
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solution with CFe(III) = 300 たmol L
-1

, CEDDS = 300 たmol L
-1

. Initial pH of the aqueous solution 

was 3.0. 

 

B-2-Effect of pH on the generation of hydroxyl radicals in the irradiated aqueous 

solution containing Fe(III)-EDDS complex 

 

The experiments were performed in the homogeneous aqueous solutions at pH 

value of 3.0, 4.0, 5.0 and 6.0, which were provided by an addition of hydrochloric 

acid. An effect of pH on the 
•
OH yield was observed (Figure IV-B-2). The 

•
OH 

concentration at pH = 6.0 appeared to be higher than that at all other pH values in the 

range studied after 3h of irradiation. This is very interesting, because in the previous 

works with aquacomplexes of Fe(III), the 
•
OH concentration at pH = 3.0 appeared to 

be much higher than at pH 6.0. The same effect of pH on the production of H2O2 upon 

the photolysis of different Fe(III)-carboxylate complexes was reported previously 

(Deng et al., 1998; Gao and Zepp, 1998; Wu et al., 2004). 
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Figure IV-B-2. Effect of the initial pH value on the total 
•
OH concentration for an aqueous 

solution with CFe(III) = 300 たmol L
-1

, CEDDS = 300 たmol L
-1

. 
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We believe that the influence of pH on the photolysis of the Fe(III)-EDDS 

complex could be explained by two reasons. First, as we know, pH can influence 

Fenton reaction and the equilibrium between HO2
•
/O2

•-
 and as a consequence the rate 

of 
•
OH radical formation. Second, pH can also affect the distribution of different 

species (Fe(III) complexes) present in the solution. These species [(Fe(III)-EDDS, 

Fe(OH)
2+

, Fe(OH)2
+
, Fe

3+
aq, EDDS] have different photochemical reactivity, and it 

would affect the 
•
OH formation yield. This second reason is has probably a key role 

for the results of the 
•
OH concentration at pH = 6.0 where the formation is higher. 

The species of the complex Fe(III)-EDDS present at pH 6.0 must be more reactive to 

photogenerated hydroxyl radicals.  

 

B-3-Effect of Fe(III) and EDDS concentrations on the photogeneration of 

hydroxyl radicals in aqueous solution 

 

The concentration ratio Fe(III)/EDDS is another important factor. To evaluate 

this factor, experiments in solutions at pH = 3.0 were performed. Results are shown in 

Figure IV-B-3 and IV-B-4. It can be concluded that both the Fe(III) and EDDS 

concentrations affect the 
•
OH formation yield. The 

•
OH concentration increased with 

an increase of the EDDS concentration in the range from 100
 
to 300 たmol L

-1
. With 

an increase in the Fe(III) concentration in the range from 100 to 300 たmol L
-1

, the 

•
OH concentration increased slowly and almost the same concentration of 

•
OH 

photoproduced after 3h of irradiation is observed whatever the iron concentration 

(Figure IV-B-4). At a given pH value, a change in the Fe(III) / EDDS ratio can lead to 

a change in the relative content of different Fe(III)-EDDS complexes in the solution. 

When the EDDS concentration was much higher than that of Fe(III), the formation of 

•
OH radical is higher. This phenomenon can be explain by the fact that EDDS is a 

complexing agent of Fe(III) and can strongly enhance the oxidation of Fe(II) into 

Fe(III) via the formation of Fe(III)-EDDS complex, which is a photoactive species for 

the generation of 
•
OH radicals..  
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Figure IV-B-3. Effect of the EDDS concentration on the 
•
OH formation under irradiation with 

CFe(III) = 100 たmol L
-1

(Initial pH of the aqueous solution was 3.0). 
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Figure IV-B-4. Effect of the Fe(III) concentration on the 
•
OH formation under irradiation 

with CEDDS = 300 µmol L
-1

. (Initial pH of the aqueous solution was 3.0). 
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Conclusions 

 

In the present study, formation of phenol from benzene was used to determine 

the concentration of 
•
OH radicals by the photolysis of Fe(III)-EDDS complex. 

Parameters, such as pH, concentration of Fe(III) or EDDS, oxygen were all considered 

in the study. Results show that the pH value has great effect on the photolysis of 

Fe(III)-EDDS complex in producing 
•
OH. Interestingly, the maximum concentration of 

•
OH radicals were observed at pH 6.0 (pH ranged from 3.0 to 6.0).  

The 
•
OH concentration generated in the system increased also with the increase of 

Fe(III) or acid concentrations. The presence of high concentration of acid strongly 

favored the reoxidation of Fe(II) after the first photoredox process in the complex. This 

step (reoxidation of Fe(II)) is a limiting step in the photocatalytic process based on the 

couple Fe(III)/Fe(II) (Poulain et al., 2003).   
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Figure IV-B-5 Photochemical cycle Fe(III)/Fe(II) in the presence of organic pollutant 

(Poulain et al, 2003). 

 

But for the Fe(III)-EDDS complex, the speciation of the complex, depending on 

the pH, leads to different forms of the complex which possess different photochemical 

reactivity, and it would affect the 
•
OH formation yield. Oxygen is a crucial factor for 
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the formation of active radicals in aqueous solutions. Without oxygen no formation of 

•
OH radical is observed from the Fe-EDDS complex even under irradiation. 

Results show that the concentration of 
•
OH in the solution containing 

Fe(III)-EDDS complex is higher than that of the system only containing Fe(III) 

([Fe(III)] = 300 µmol L
-1

). It was confirmed that EDDS has positive effects on the 

photogeneration of 
•
OH in the aqueous solution. So, the Fe(III)-EDDS complex has 

the potential of utilizing sunlight as an irradiation source. Interestingly, the [S, 

S’]-isomer of EDDS was reported to be produced naturally by a number of 

microorganisms, such as Amycolatopsisjaponicum sp. nov. So in the natural surface 

waters, such as lakes, which contain Fe(III)/Fe(II) and [S, S’]-EDDS, photochemical 

reactions can be induced by sunlight, and it will play an important role in the 

oxidation of organic/inorganic pollutants in natural waters. Further experimental and 

theoretical work is needed to fully understand the system and its application in natural 

aquatic or atmospheric environments. 
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V-Photodegradation of 2, 4-D photoinduced by the Fe(III)-EDDS 

complex and goethite-EDDS complex 

 

A-Photodegradation of 2, 4-D induced by the Fe(III)-EDDS complexe 

 

2, 4-D was used as model compound in this work to study the photochemical 

properties of Fe(III)-EDDS complex. Experiments were carried out under 

monochromatic and polychromatic irradiation. Irradiation experiments were carried 

out separately under monochromatic irradiation for short times and under irradiation 

in the photoreactor (emission between 300 and 500 nm) for long times. Parameters 

such as wavelength of irradiation, complex concentration, pH, oxygen were all 

studied in the work.  

 

A-1-Properties of 2, 4-D in aqueous solution 

 

ClCl

OCH2COOH
 

Figure V-A-1 2 4-Dichlorophenoxyacetic acid (2, 4-D) 

 

Figure V-A-1 was the molecular formula of 2, 4-Dichlorophenoxyacetic acid (2, 

4-D). The UV-visible spectrum of the solutions with different concentrations of 2, 4-D 

is presented in Figure V-A-2. It has two bands with maximum absorption at 230 nm 

and 284 nm. In this work, molar absorption at 284nm was only concerned. And the 

molar absorption coefficients is 1870 L mol
-1

 cm
-1 

at 284 nm (Figure V-A-3).  
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Figure V-A-2 UV-visible spectra of 2, 4-D at different concentrations. 
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Figure V-A-3 Molar absorption coefficients at 284 nm. 

  

It was reported that 2, 4-D is an organic acid with pKa of 2.6 and high water 

solubility (Tatiane et al., 2007). Experiment was carried out to confirm the pKa value 

of the 2, 4-D used in this work. Figure V-A-4 presents the UV-visible spectra of 2, 

4-D as the function of pH ranged from 1.5 to 5.0 ([2, 4-D] = 3.6 × 10
-5

 mol L
-1

). 

Figure V-A-5 shows the variation of the absorbance at 235 nm of 2, 4-D. It indicate 
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that the pKa value of 2, 4-D used in this work is 2.9.  
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Figure V-A-4 UV-visible spectra of 2, 4-D as the function of pH ranged from 1.5 to 5.0 

([2, 4-D] = 3.6× 10
-5

 mol L
-1

) 
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FigureV-A-5 pKa of 2, 4-D ([2, 4-D] = 3.6× 10
-5

 mol L
-1

) 

 

Experiments were performed to study UV-visible spectra of different aqueous 

solutions: (a) 0.3 mmol L
-1

 of Fe(III); (b) 0.1 mmol L
-1

 of 2, 4-D; (c) mixture of 0.3 
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mmol L
-1

 Fe(III) and 0.1 mmol L
-1

 2, 4-D; (d) sum of Fe(III) and 2, 4-D spectra. 

Figure V-A-5 shows the UV-Visible absorption spectra of the solutions 3 min after 

the preparation. The spectrum of the mixture (Fe(III) + 2, 4-D) correspond to the sum 

of the spectra of the both components. This result shows that there is no interaction 

(complexation) between 2, 4-D and Fe(III) in the aqueous solution and in the dark. 
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Figure V-A-6 UV-Visible absorption spectra of aqueous solution 3 min after the preparation 

with 0.3 mmol L
-1

 of Fe(III) and 0.1 mmol L
-1

 of 2, 4-D  

 

A-2-Quantum yields of 2, 4-D degradation and Fe(II) formation 

 

The monochromatic irradiation was carried out separately at 296, 313, 334 and 

365 nm. 2, 4-D does not absorb at such wavelengths: no degradation was observed 

when 2, 4-D was irradiated alone at these four wavelengths. The reaction times was 

well controlled to make sure that all the degradation of 2, 4-D and the generation of 

products not exceed 10%. This condition permits to determine the initial quantum 

yields. Therefore, the quantum yields of 2, 4-D degradation (Φ2, 4-D) and Fe(II) 

generation(ΦFe(II)) were calculated with an error of less than 5%. Parameters such as 

pH, oxygen and concentrations of Fe-EDDS complex that may influence the reaction 

were all studied. 
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A-2-1-Influence of the irradiation wavelength on the quantum yields of Fe(II) and 

2,4-D in Fe(III) -EDDS complex aqueous solution 

 

The quantum yields of Fe(II) formation and 2, 4-D disappearance has been 

evaluated at different wavelength (296, 313, 334 and 365 nm) in the aqueous 

solutions:  

(1) with 0.3 mmol L
-1

 of Fe(III) and 0.1 mmol L
-1

 of 2, 4-D,  

(2) with 0.3 mmol L
-1

 of Fe(III)-EDDS complex ,  

(3) with 0.3 mmol L
-1

 of Fe(III)-EDDS complex and 0.1 mmol L
-1

 of 2, 4-D.  

All of the experiments were carried out at pH 3.0. Table V-A-1 shows the results.  

  

Table V-A-1 Quantum yields of disappearance of 2, 4-D and generation of Fe(II) as a 

function of the irradiation wavelength (at pH 3.0). 

ΦFe(II) (Δt=40 s) 
 

そ 
(nm) 

I0, (×10
14

) 

Photons s
-1

 cm
-2

 Without 2, 4-D With 2, 4-D 

Φ2, 4-D  

(Δt=30 min) 

296 1.42  0.065 0.028 

313 5.41  0.031 0.019 

334 3.15  0.025 0.15 

[Fe(III)] 

0.3 mmol L
-1

 

365 4.47  0.026 0.011 

296 1.42 0.26 0.33 0.016 

313 5.41 0.25 0.28 0.015 

334 3.15 0.19 0.22 0.011 

[Fe(III)-EDDS] 

0.3 mmol L
-1

 

365 4.47 0.16 0.17 0.008 

 

As the results showed, we confirm that wavelength has obvious effect on the 

quantum yields of both Fe(III) solutions and Fe(III)-EDDS solutions. Both ΦFe(II) and 

Φ2, 4-D increased with the decrease of the wavelength. Quantum yields of Fe(II) 

formation and 2, 4-D disappearance almost have an opposite tendency. The 

photoreduction of Fe(III) is enhanced in the presence of ligands. So the ΦFe(II) is 

higher in the presence of acid carboxylic than in the presence of water or hydroxide 

group as ligands (Fe(OH)
2+

). This difference can be also attributed to the fact that in 

the case of organic ligands Fe(II) formed is less reoxidized, and radical species 
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formed under irradiation attack pollutants as well. However, for Fe(III)-EDDS 

complex, the Φ2, 4-D is lower than in the presence of Fe(OH)
2+

. This result may be due 

to the competition between organic substrates (EDDS and oxidized EDDS) and less 

radicals are available for the 2, 4-D degradation at the beginning of the irradiation.  

 

A-2-2-influence of oxygen on the quantum yields of Fe(II) and 2, 4-D with 

Fe(III)-EDDS complex (そirr= 365nm) 

 

As we know, Oxygen plays a very important role in the photochemical process. 

Effects on the quantum yield of Fe(II) formation and on the quantum yield of 2, 4-D 

degradation were studied. Different gas medium of reaction solutions were obtained 

by bubbling oxygen or argon 15 min into the solutions before irradiation. The 

experiment was carried out in the presence of Fe(III)-EDS complex at pH = 3.0 with 

monochromatic irradiation at 365 nm. Table V-A-2 presents the results in detail. In 

deaerated solution, the quantum yield of 2, 4-D is negligible (Φ2, 4-D=0.003). The 

quantum yield of Fe(II) formation in oxygenated solution is almost five times higher 

that those obtained in aerated solution.  

 

Table V-A-2 Effect of oxygen on the quantum yields of 2, 4-D disappearance and of Fe(II) 

generation. pH = 3.0. (そirr = 365nm) 

 

 [Fe(III)/EDDS]= 0.3 mmol L
-1

:0.3 mmol L
-1

 

 
Deaerated 

solution 

Aerated 

solution

Oxygen saturated 

solution   

ΦFe(II) 0.02 0.16 0.48 

Φ2,4-D 0.003 0.012 0.047 

 

It can be concluded that oxygen has a strong effect on the reaction. Oxygen 

enhance the photoredox process involving Fe(III)-EDDS complex, thus, more Fe(II) 

and reactive species (such as ·OH radicals, organic radicals) are generated in aqueous 
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solution during the reaction process. Moreover, in the absence of oxygen, necessary to 

form the reactive species, 2, 4-D degradation is strongly inhibited.  

 

A-2-3-Influence of pH on the quantum yields of Fe(II) and 2, 4-D in 

Fe(III)-EDDS complex (そirr= 365 nm) 

 

As we know, the pH of solution is very important parameter in the 

photochemical reaction with Fe(III)-complexes. Experiments were carried out under 

monochromatic irradiation at 365 nm with different concentration of Fe(III)-EDDS 

complex. The concentration of Fe(III)-EDDS was 0.1, 0.2, 0.3 and 0.6 mmol L
-1

. 

Concentration of 2, 4-D was 0.1 mmol L
-1

. The pH values of the solutions were 

controlled from 2.0 to 6.0. Results about the quantum yields of Fe(II) are presented in 

Table V-A-3.  

 

Table V-A-3 Quantum yields of generation of Fe(II) as a function of pH at 365nm 

[Fe(III)-EDDS] 
I0, ′×10

14
″ 

photons⋅ s-1⋅ cm
-2 

pH ΦFe(II)  (Δt=40s) 

2.0 0.17 

3.0 0.18 

4.0 0.14 

5.0 0.04 

0.3 mmol L
-1

 4.47 

6.0 0.008 

 

The quantum yield of Fe(II) formation decreases when the pH increases. This 

result is mainly due to the fact that at higher pH, Fe(II) is easily oxidized by dissolved 

oxygen present in water. 

 

Table V-A-4 Quantum yields of disappearance of 2, 4-D as a function of pH 

Φ2, 4-D (Δt=30min)  [Fe(III)-EDDS] 

(mmol L
-1

) pH=2.0 pH=3.0 pH=4.0 pH=5.0 pH=6.0 

0.3 0.009 0.008 0.02 0.021 0.028 

 

The pH effect on the quantum yields of 2, 4-D disappearance was also studied. 

Results are shown in Table IV-D-4. According to the values, the quantum yields of 2, 
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4-D disappearance were increased with the increase of the pH value. It can be 

concluded that higher pH value condition is more favourable for the degradation of 2, 

4-D in the presence of Fe(III)-EDDS complex. The quantum yields of 2, 4-D 

disappearance were optimal at pH 6.0 in the presence of Fe(III)-EDDS complex.  

 

A-3- Degradation of 2, 4-D photoinduced by Fe(III)-EDDS complex 

at 365 nm under polychromatic irradiation 

 

The photodegradation of 2, 4-D was studied in the presence of Fe(III)-EDDS 

complexes. Irradiation was with polychromatic tubes emitting between 300 and 500 

nm. Concentration of complex, and oxygen, pH, and effect of isopropanol were all 

studied in this work. 

 

A-3-1-Effect of Fe(III)-EDDS concentration 

 

Fe(III)-EDDS concentration effect on the photodegradation of 2, 4-D (0.1 mmol 

L
-1

) was studied in aqueous solution at pH 3.0. The initial concentration of 

Fe(III)-EDDS complex used in the work were 0.05, 0.1, 0.3
 
and 0.6 mmol L

-1
. Figure 

V-A-6 presents the kinetics of 2, 4-D photodegradation. The disappearance of 2, 4-D 

increases with the increase of Fe-EDDS complex concentration. After 3 hours of 

irradiation, 45% of the 2, 4-D was degraded in solution with 0.6 mmol L
-1

 of 

Fe(III)-EDDS complex, nearly 20% of 2, 4-D with 0.3 mmol L
-1

 and 0.05 mmol L
-1

, 

and only 15% with 0.1 mmol L
-1

 of Fe(III)-EDDS complex. After 8 hours of 

irradiation, the photodegradation efficiency of 2, 4-D have reached 55%, 48%, 25% 

and 20% in the solutions with 0.6, 0.3, 0.1 and 0.05 mmol.L
-1

 of Fe(III)-EDDS 

complexes respectively. It is obviously that the photodegradation efficiency of 2, 4-D 

was increased with increasing concentration of Fe-EDDS complex in aqueous 

solutions at pH 3. 
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Figure V-A-7 Kinetics of 2, 4-D photodegradation as a function of Fe-EDDS concentration  

(Initial pH = 3.0; [2, 4-D]0 = 0.1 mmol L
-1

) 

 

Figure V-A-8 presents the HPLC spectrum of reaction solutions with 0.3 mmol 

L
-1

 Fe(III) and 0.1mmol L
-1

 2, 4-D at initial pH 3.0. As we see from Figure V-A-7, the 

2, 4-DCP is the main photoproduction product of photodegradation of 2, 4-D in 

aqueous solutions. It is obviously that the retention time of 2, 4-D is 2.3 min and the 

retention time of 2, 4-DCP is 7.3 min.  
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Figure V-A-8 Evolution of HPLC spectrum of reaction solution with 0.3 mmol L
-1

 Fe(III) 

and 0.1 mmol L
-1

 2, 4-D at pH = 3.0   
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Figure V-A-9 Photoproduction concentration of 2, 4-DCP in solutions with different 

concentration of Fe-EDDS under irradiation (Initial pH = 3.0; [2, 4-D]0 = 0.1 mmol L
-1

) 

 

During the reaction process, 2, 4-DCP was generated from the photodegradation 

of 2, 4-D. Figure V-A-9 presents the results of photoproduction of 2, 4-DCP in 

solutions with different concentration of Fe(III)-EDDS complex. The concentration of 

2, 4-DCP in the solutions containing 0.6 mmol L
-1

 Fe(III)-EDDS complex is higher 

than in the other three solutions. 2, 4-DCP was generated faster at the beginning of the 

reaction process. After 8 hours irradiation, 2, 4-DCP concentration was almost the 

same (≈ 5 µmol L
-1

) in the solutions with 0.05 and 0.1 mmol L
-1

 of Fe(III)-EDDS but 

lower than 2, 4-DCP concentration formed with 0.3 and 0.6 mmol L
-1

 of 

Fe(III)-EDDS. In this latter case the concentration of 2, 4-DCP is around two times 

higher (≈ 10 µmol L
-1

).  

In the photochemical process, Fe(III) was reduced to Fe(II) species. The 

concentration of Fe(II) was also detected in this work. Figure V-A-10 presents the 

results, which indicate that the Fe(III) was reduced during irradiation period. The 

formation of Fe(II) is very fast at the beginning of irradiation but, contrary to Fe(III) 
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aquacomplexes where around 100% of Fe(III) is reduced, no more then 50% of Fe(III) 

has been reduced to Fe(II) after 60 min of irradiation. After that the photochemical 

process continues with a stable concentration of Fe(II) species. There is no significant 

variation of the concentration of Fe(II) from 1 h to 8 h of irradiation in all the 

conditions. The concentration of Fe(II) represents between 30% and 45% of the total 

iron concentration after 8 h of irradiation.   
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Figure V-A-10 Photogeneration of Fe(II) as a function of Fe(III)-EDDS concentration in 

solutions ( Initial pH = 3.0; [2,4-D]0 = 0.1 mmol L
-1

). 

  

A-3-2 Effect of oxygen on the 2, 4-D photodegradation 

  

As we know, oxygen is a very important parameter in the photoreaction process. 

A lot of experiments have proved its effects on the photodegradation of pollutants in 

the previous study. Experiments were performed in the solutions with 0.3 mmol L
-1

 of 

Fe(III)-EDDS complex and 0.1 mmol L
-1

 of 2,4-D. The initial pH of solution was 

fixed at 3.0. Different reaction medium was obtained by bubbling oxygen or argon 

into the solutions before irradiation. The time of bubbling O2 or Ar was both 15min. 

Results are presented in Figure V-A-10. It is obvious that oxygen has a very strong 
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effect on the photodegradation of 2, 4-D. In the oxygen saturated condition, the 

photodegradation efficiency of 2, 4-D, nearly 85%, is higher than in the air saturated 

and deaerated conditions after a long time of irradiation. At the beginning of the 

reaction, the degradation rate is faster in the oxygen saturated condition than in the 

other conditions. The photodegradation efficiency of 2, 4-D after 8 hours of 

irradiation is 82% in the oxygen saturated solution, 50% in the air saturated solution 

and 18% in the deaerated solution. 
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Figure V-A-11 Impact of oxygen on 2, 4-D photodegradation in the presence of 

Fe(III)-EDDS. 

 

2, 4-DCP was also detected in the same time. Figure V-A-12 presents the results 

of photoproducton concentration of 2, 4-DCP in aqueous solution. 2, 4-DCP was not 

photogenerated in the solution purged with argon. And both in solutions of air 

saturated condition and oxygen saturated condition, 2, 4-DCP was detected. From the 

results, in the O2 saturated condition, 2, 4-DCP in solutions can be also clearly 

photodegraded. In this condition (O2 saturated) the progress of the photochemical 

reaction is higher. That is why the concentration of 2, 4-DCP in air saturated condition 

was higher than oxygen saturated condition after 6 hours of irradiation.   
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Figure V-A-12 Impact of oxygen on 2, 4-DCP formation  
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Figure V-A-13 Photogeneration of Fe(II) as function of oxygen in solutions with  

an initial pH = 3.0. [Fe(III)-EDDS]0 = 0.3 mmol L
-1

, [2,4-D]0 = 0.1 mmol L
-1

. 

 

Oxygen effects on the formation of Fe(II) was performed under irradiation. 

Figure V-A-13 presents the results. In all the conditions, the formation of Fe(II) was 
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fast at the beginning of the reaction. Oxygen presents a slight negative effect on the 

formation of Fe(II) before 60 min of irradiation. However we can conclude that it 

does not appear any significant effect of oxygen on Fe(II) formation. 

 

A-3-3-Effect of pH on photodegradation of 2, 4-D 

 

Experiments were carried out with 0.1 mmol L
-1

 of Fe(III)-EDDS complex and 

0.1 mmol L
-1

 of 2, 4-D. With the increase of pH, the photodegradation efficiency of 2, 

4-D increased before 6 hours of irradiation. The optimal photodegradation process of 

2, 4-D was obtained at pH 6.0. As shown in Figure V-A-14, the photodegradation rate 

is faster before 30 min of irradiation at pH 6.0 and then the degradation continues 

with a slower rate. At pH 3.0, further degradation of 2, 4-D occurred and 55% of 2, 

4-D was degraded after 8 h of irradiation. The photodegradation efficiency is about 

55% at pH 3.0 and 25% at pH 6.0 after 8 h of irradiation.  
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Figure V-A-14 Influence of pH on the photodegradation of 2, 4-D in the presence of 

Fe(III)-EDDS complex. [Fe(III)-EDDS]0 = 0.1 mmol L
-1

, [2,4-D]0 = 0.1 mmol L
-1

. 

 

Fe(II) formation was strongly affected by the pH (FigureV-A-15). Especially at 

relative higher pH 6.0, the formation of Fe(II) was obviously lower, the maximum 
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concentration of Fe(II) corresponded to only 30% of total Fe in the aqueous solution 

after 4 hours of irradiation. This value decreased to 20% after 6 hours of irradiation at 

pH 6.0.  
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Figure V-A-15 Influence of pH on the photogeneration of Fe(II) in the presence of Fe-EDDS 

complex. [Fe(III)-EDDS]0 = 0.1 mmol L
-1

, [2,4-D]0 = 0.1 mmol L
-1

. 

 

A-3-4-study on the effect of isopropanol on photodegradation of 2, 4-D 

 

Experiments were carried out in the solution with 0.3 mmol L
-1

 of Fe(III)-EDDS 

complex, 0.1 mmol L
-1

 of 2, 4-D and 0.5% isopropanol at pH 3.0. It is obvious from 

Figure V-A-16 that 2, 4-D photodegradation efficiency was 50% in solution without 

isopropanol after 8 h of irradiation. On the contrary no photodegradation was 

observed in the solution with isopropanol even after more then 8 h of irradiation. 

Figure V-A-17 presents that 2, 4-DCP was not detected in the solution with 

isopropanol even after 8 h of irradiation. Without isopropanol, more than 0.01mmol 

L
-1

 of 2, 4-DCP was detected in solution. 
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Figure V-A-16 Influence of isopropanol on the photodegradation of 2, 4-D in presence of 

Fe-EDDS complex at pH 3.0. [2, 4-D]0 = 0.1 mmol L
-1

. 
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Figure V-A-17 Influence of isopropanol on the photogeneration of 2, 4-DCP in presence 

of Fe-EDDS complex at pH 3.0. [Fe(III)-EDDS]= 0.3 mmol L
-1

, [2,4-D]0 = 0.1 mmol L
-1

. 

 

The spectra of the solutions as a function of the irradiation times are presented in 

the Figure V-A-18. The solution is a mixture of 0.1 mmol L
-1

 2, 4-D and 0.3 mmol L
-1

 

of Fe(III)-EDDS at pH = 3.0. There is a sharp decrease after 15 min of irradiation. 
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This observation is due to the efficient photoredox process taking place in the 

Fe(III)–EDDS under irradiation. The absorbance of complex from 300 to 400 nm 

decreased. It is in agreement with the fact that the Fe(II) formation, resulting from the 

photoredox process, is very fast at the beginning of the irradiation and that in this 

condition 2, 4-D is efficiently degraded.   
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Figure V-A-18 UV-visible spectrum of the Fe(III)-EDDS and 2, 4-D solutions as a function of 

irradiation time.  

 

Conclusions 

 

Photodegradation of 2, 4-D photoinduced by Fe(III)-EDDS complex was 

investigated in this study. Results indicate that irradiation wavelength, pH, oxygen, 

ratio and concentration of Fe(III)-EDDS complex and isopropanol, all have effect on 

the quantum yields of Fe(II) formation and 2, 4-D degradation. Irradiation wavelength 

has a great effect on the quantum yields, both ΦFe(II) and Φ2, 4-D increase with the 

decrease of wavelength of irradiation. 

The pH 6.0 and high concentration of oxygen are all favorable for the 

photodegradation of 2, 4-D. In the presence of high concentration in oxygen and at pH 
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6.0 the total degradation of 2, 4-D and photogeneration of 2, 4-DCP are observed after 

8 h of irradiation. Oxygen is necessary for an efficient degradation of 2, 4-D and the 

experiment with isopropanol show that 
•
OH radicals are responsible for the 

degradation of 2, 4-D. 

 

 

B-Photodegradation of 2, 4-D induced by the Goethite in the presence 

of EDDS 

 

Iron oxides, hydroxides, and oxy-hydroxides are efficient sorbents for inorganic 

and organic species and have a great potential in industrial applications. They are also 

of substantial interest in environmental sciences since some of them are frequently 

occurring in soil minerals (e.g., goethite and ferrihydrite) having significant impact on 

the behavior of pollutants in soils. The mineral solid-water interface plays a central 

role in regulating the concentrations of a large number of reactive elements in natural 

aqueous systems by influencing their biogeochemical cycles, and also in water 

treatment technologies. Goethite is the most abundant iron oxide in nature, whose 

surface reactivity has been extensively studied. In this work, experiments were carried 

out to study the influence of 2, 4-D degradation in the suspension of goethite with or 

without EDDS. The goethite that was used in this study was synthesized from LPMM 

of Blaise Pascal University.  

A goethite suspension was dialyzed in deionized ultra pure aerated water until 

its conductivity equaled that of fresh deionized ultra pure aerated water. Then, the 

suspension was dispersed by using an ultrasonic bath for 20 min. The particle size of 

the dispersed goethite was < 2 µm. For the analysis of the solution, the goethite 

suspensions were centrifuged at 12000 rpm for 20 min. 

 

B-1-Adsorption of 2, 4-D on goethite  
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  The concentration of goethite in the suspension is an important factor for the 

adsorption of 2, 4-D. To evaluate this factor, the experiments in suspension at pH = 

4.0 were performed. Concentrations of goethite were changed from 0.05 g L
-1

 to 1.0 g 

L
-1

. The initial concentration of 2, 4-D was 0.1 mmol L
-1

.The results are shown in 

table V-B-1 and Figure V-B-1. The concentration of 2, 4-D was almost the same even 

after 39 h shaking period in the aqueous solutions with presence of goethite. It means 

that there was no obvious adsorption of 2, 4-D in suspension with the presence of 

goethite at pH 4.0.  

 

Table V-B-1 Adsorption data of 2, 4-D on goethite with different time in suspention at pH 4.0 

[2, 4-D] mmol L
-1

  
[Goethite] 

t=0 h t=0.5 h t=1 h t=14 h t=25 h t=39 h 

0.05 g L
-1

 0.10 0.09845 0.09977 0.10 0.09752 0.10 

0.1 g L
-1

 0.10 0.10 0.10 0.09577 0.10 0.10 

0.2 g L
-1

 0.09999 0.10 0.09989 0.09865 0.10 0.10 

0.5 g L
-1

 0.10 0.10 0.0998 0.10 0.09983 0.10 

1.0 g L
-1

 0.09999 0.09812 0.09897 0.10 0.10 0.10 
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Figure V-B-1 Adsorption of 2, 4-D on goethite with different time in suspention at pH 4.0  
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Since effect of the concentration of goethite is negligible at pH 4.0, adsorption of 

2, 4-D on goethite (0.2 g L
-1

) at different pH value in suspension was studied with the 

different time. The initial concentration of 2, 4-D was 0.1 mmol L
-1

. The pH value of 

aqueous solution changed from 3.0 to 6.0. The results are shown in table V-B-2. With 

the increase of time, in evidence, nearly 9% of 2, 4-D was adsorbed on the goethite at 

pH 3.0, and the concentration of 2, 4-D was decreased from 0.1mmol L
-1

 to 0.09147 

mmol L
-1

 at pH 3.0 after 37 h shaking period. For the suspension at pH 4.0, 5.0 and 

6.0, the adsorption of 2, 4-D on goethite was not observed. So it indicated that the pH 

value of solution is a more important factor for the adsorption of 2, 4-D than the 

concentration of goethite in suspension. 2, 4-D adsorption primarily occurs under 

acidic conditions, as shown in Figure V-B-2. But even at pH 3.0, no more than 4% of 

2, 4- D were adsorbed on the goethite in suspension after 8h shaking period.  

 

Table V-B-2 Adsorption data of 2, 4-D on goethite at different pH in suspention  

[2, 4-D] mmol L
-1

 
pH 

t=0 h t=0.5 h t=1 h t=12.5h t=28h t=37h 

3.0 0.10 0.10 0.09842 0.09433 0.09261 0.09147 

4.0 0.10 0.10 0.10 0.0999 0.10 0.10 

5.0 0.10 0.10 0.10 0.10 0.10 0.10 

6.0 0.10 0.09994 0.10 0.10 0.10 0.10 
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Figure V-B-2 Adsorption of 2, 4-D on goethite at different pH in suspentions 

 

B-2-Photodegradation of 2, 4-D at 365 nm in suspention of the goethite 

 

Since goethite is the most abundant iron oxide in nature, the mineral solid-water 

interface plays a central role on degradation of organic pollutant (organic pesticide) in 

natural environment. Experiments were carried out to study the photodegradation of 2, 

4-D at 365 nm in suspension of the goethite. Irradiation was with polychromatic tubes 

emitting between 300 and 500 nm. Concentration of goethite in suspension and pH 

were all studied in this work. 

 

B-2-1-Effect of goethite concentration in suspention 

 

Goethite concentration effect on the photodegradation of 2, 4-D was studied in 

suspension with 0.1 mmol L
-1

 of 2, 4-D at pH 4.0. The concentration of goethite used 

in the work was 0.05, 0.1, 0.2 and 0.5 g L
-1

. Figure V-B-3 presents the 

photodegradation efficiency of 2, 4-D in suspension. The disappearance of 2, 4-D was 

decrease when the concentration of goethite is 0.5 g L
-1

 compared to 0.2 g L
-1

. The 

photodegradation efficiency of 2, 4-D in suspension of 0.1 g L
-1 

goethite is higher 
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than in suspension of 0.05 g L
-1 

goethite. After 8 h of irradiation, the photodegradation 

efficiency of 2, 4-D have reached 11%, 20%, 20% and 10% in the suspension with 

0.05, 0.1, 0.2 and 0.5 g L
-1

 of goethite respectively.  
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Figure V-B-3 Photodegradation efficiency of 2, 4-D in suspension at pH 4.0 under irradiation 

 

As we know the 2, 4-DCP was the main photoproduction of 2, 4-D degradation. 

In this work we also detected the photoproduction of 2, 4-DCP in suspension. Figure 

V-B-4 presents the results of 2, 4-DCP photoduction in suspension. After 8h 

irradiation, 0.01mmol L
-1 

of 2, 4-DCP was observed in the suspension of goethite with 

the concentration of 0.2 g L
-1

. There is no significant variation of the concentration of 

2, 4-DCP photoproduction in the period of 8h irradiation at 365nm between the 

suspensions of different goethite concentration used in this work. It indicated that in 

our experimental conditions the effect of goethite concentration in suspension is 

negligible for the photodegradation of 2, 4-D.  
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Figure V-B-4 Results of 2, 4-DCP photoduction in suspension at pH 4.0 under irradiation 

 

B-2-2- initial pH effect of suspention on photodegradation of 2, 4-D 

 

Experiments were carried in the solution with 0.2 g L
-1

 of goethite and 0.1 mmol 

L
-1

 of 2, 4-D. With the increase of pH, the photodegradation efficiency of 2, 4-D 

decreased. The optimal photodegradation process of 2, 4-D was obtained at pH 3.0 

and 4.0. As shown in Figure V-B-5, the photodegradation rate is faster at pH 3.0 and 

at pH 4.0. At pH 5.85, no degradation of 2, 4-D occurred after 8 h of irradiation. After 

8 hours of irradiation around 20% of 2, 4-D is degraded in both pH’s.  

The influence of pH on photoproduction of 2, 4-DCP concentration was 

observed in Figure V-B-6. 2, 4-DCP photoproduction was strongly affected by the pH. 

Especially at relative higher pH 5.85, no 2, 4-DCP was observed. The maximum 

concentration of 2 4-DCP was 0.015 mmol L
-1 

after 8h irradiation in suspension at pH 

3.0. The concentration of 2 ,4-DCP is two times higher at pH 3.0 than at pH 4.0 

(0.0075 mmol L
-1

). This observation can be due to the faster degradation of 2, 4-DCP 

at pH 4.0 than at pH 3.0. 
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Figure V-B-5 Influence of pH on the photodegradation of 2, 4-D in the presence of goethite   
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Figure V-B-6 Influence of pH on the photoproduction of 2, 4-DCP in suspention of goethite 

([Goethite]= 0.2 g L
-1

, [2, 4-D]= 0.1 mmol L
-1

) 

 

B-2-3- Effect of isopropanol on photodegradation of 2, 4-D 

 

     Experiments were performed to study influence of isopropanol on the 

photodegradation of 2, 4-D in the suspension of goethite at pH 4.0. Results were 
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shown in Figure V-B-7. The photodegradation efficiency of 2, 4-D without 

isopropanol in suspension is higher than that with isopropanol. No more than 10% of 

2, 4-D was degraded in suspension with isopropanol after 8 h of irradiation. Around 

20% of 2, 4-D was degraded in suspension without isopropanol after 8 h of irradiation. 

2, 4-DCP, as main photoproducts, were detected in this period. And after 8 h of 

irradiation, 0.0075mmol L
-1

 was observed in suspension with or without isopropanol 

(Figure V-B-8).     
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Figure V-B-7 Influence of isopropanol on the photodegradation of 2, 4-D in suspention of 

goethite at pH 4.0 ([goethite]= 0.2 g L
-1

, [2, 4-D]0= 0.1 mmol L
-1

) 

 

However, the degradation of 2, 4-D in the presence of isopropanol shows that the 

mechanism of degradation is not only due to 
•
OH radicals photogenerated in aqueous 

solution. A reaction at the surface of the goethite particles can take place in such 

systems. 
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Figure V-B-8 Influence of isopropanol on the photoproduction of 2, 4-DCP in suspention of 

goethite at pH 4.0([goethite]= 0.2 g L
-1

, [2, 4-D]0= 0.1 mmol L
-1

) 

 

The formation of 2, 4-DCP is not strongly affected by the presence of 

isopropanol and on the contrary of the degradation of 2, 4-D, the formation of 2, 

4-DCP is higher at the beginning of the irradiation with isopropanol. 

 

B-2-4-comparation of 2, 4-D and 2, 4-DCP on photogdegradation 

   

Since the main photoproduct of 2, 4-D degradation was 2, 4-DCP a comparison 

of the photodegradation of both organics were carried out. There is probably a 

competition of 2, 4-D and 2, 4-DCP on photodegradation in suspension. Experiments 

were carried out with 0.1 mmol L
-1

 of 2, 4-D and 0.1 mmol L
-1

 of 2, 4-DCP in the 

same condition in suspension (initial pH 4.0; [goethite] = 0.2 g L
-1

). The result was 

compared in figure V-B-9. After 8 h of irradiation, 0.008mmol L
-1

 of 2, 4-DCP was 

degraded, and nearly 0.02 mmol L
-1

 of 2, 4-D. It is observed that the degradation rate 

of 2, 4-D was faster (more than two times) than that of 2, 4-DCP at pH 4.0 in 

suspension of goethite. 
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Figure V-B-9 Comparison of 2, 4-D and 2, 4-DCP on photodegradation ( initial concentration: 

[2, 4-D] = 0.1 mmol L
-1

, [2, 4-DCP] = 0.1 mmol L
-1

, [goethite] = 0.2 g L
-1

) 

 

B-3- Photodegradation of 2, 4-D at 365 nm in suspension of goethite with EDDS 

 

Experiments were carried out to study the photodegradation of 2, 4-D at 365 nm 

in the suspension with EDDS and goethite. Concentration of EDDS and goethite, 

initial pH of suspension, influence of O2 were all studied. Photodegradation of 2, 4-D, 

photoproduction of 2, 4-DCP and total iron concentrations were all detected in this 

work.  

 

B-3-1- influence of [EDDS] on 2, 4-D photodegradation in the suspention of 

goethite 

     

    The concentration of EDDS in suspension of goethite was an important factor on 

phodegradation of 2, 4-D. Experiments were carried out at pH 6.0. The initial 

concentration of goethite used in this work was 0.2 g L
-1

. The concentration of EDDS 

are 0.1, 0.5 1.0, 2.0 and 4.0 mmol L
-1

. The suspension contains 0.1 mmol L
-1

 of 2, 4-D 

with an initial pH value equal to 6.0. Results are shown in Figure V-B-10 and Figure 
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V-B-11. The photodegradation efficiency of 2, 4-D was higher with [EDDS] = 0.5 

mmol L
-1

 than that with other concentration of EDDS after 8 h of irradiation 33% of 2, 

4-D was degraded in this condition. The concentrations of 0.1 and 4 mmol L
-1

 of 

EDDS in suspension of goethite led to the same concentration of 2, 4-D degraded 

after 8 h of irradiation corresponding at 23% approximately. In this part, the 

phodegradation efficiency was not increased with the increase of EDDS concentration 

in suspension. Actually, if the EDDS concentration is too high, competition reactions 

will strongly exist between the organic substances in aqueous solutions. As a 

consequence, less active species are available for the degradation of 2, 4-D. For this 

reason, the photodegradation efficiency of 2, 4-D is almost the same in the presence 

of 4.0 and 0.1 mmol.L
-1

 of EDDS in the goethite suspension. Another reason could be 

also due to lower penetration of the light in the solution when the concentration of 

goethite is too high. Anyway, the important result is that in the presence of EDDS the 

degradation of 2, 4-D is effective and important at pH 6.0. No degradation of 2, 4-D is 

observed at this pH without EDDS.  
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Figure V-B-10 Influence of [EDDS] on 2, 4-D photodegradation in the suspention of goethite. 

([goethite]=0.2 g L
-1

, [2,4-D]0=0.1 mmol L
-1

, initial pH=6.0) 

 

For photoproduction of 2, 4-DCP in suspension, the concentration was also 
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higher in suspension with 0.5 mmol L
-1

 of EDDS than in suspension with 0.1, 1.0, 2.0 

and 4.0 mmol L
-1

 of EDDS. These results are in good agreement with those of 2, 4-D 

degradation. 
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Figure V-B-11 influence of [EDDS] on photoproduction of 2, 4-DCP in the suspention of 

goethite. ([goethite]=0.2 g L
-1

, [2,4-D]0=0.1 mmol L
-1

, initial pH=6.0) 

 

B-3-2- influence of goethite concentration on 2, 4-D photodegradation 

 

The concentration of goethite was also an important factor on the phodegradation 

of 2, 4-D in this work. Experiments were carried out at pH 6.0. The initial 

concentration of EDDS used in this work is 0.5 mmol L
-1

. The concentration of 

goethite is 0.05, 0.1, 0.2 and 0.4 g L
-1

. The initial concentration was 0.01 mmol L
-1

. 

Results are shown in Figure V-B-12 and Figure V-B-13. The photodegradation 

efficiency of 2, 4-D was highest with [goethite] = 0.05 g L
-1

 than that with other 

concentration of goethite after 8 h of irradiation, 37% of 2, 4-D was degraded. The 

same effect was observed without EDDS; higher efficiency at 0.05 g L
-1

 of goethite 

but no strong difference between all the concentrations of goethite was noticed. 
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Figure V-B-12 influence of goethite concentration on 2, 4-D photodegradation. ([EDDS]=0.5 

mmol L
-1

, [2,4-D]0=0.1 mmol L
-1

, initial pH=6.0) 
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Figure V-B-13 influence of goethite concentration on photoproduction of 2, 4-DCP in the 

suspention. ([EDDS]=0.5 mmol L
-1

, [2,4-D]0=0.1 mmol L
-1

, initial pH=6.0) 

 

The formation of 2, 4-DCP was similar whatever the goethite concentration. 
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B-3-3- influence of initial pH on 2, 4-D photodegradation in goethite suspension 

 

The pH is a very important parameter in many kinds of reactions. Experiments 

were carried out to study the pH effect on the photodegradation of 2, 4-D in 

suspension with 0.2 g L
-1

 of goethite, 1.0 mmol L
-1

 of EDDS and 0.1 mmol L
-1

 of 2, 

4-D under irradiation at 365 nm. pH was adjusted to the desired value with NaOH or 

HClO4. From the results presented in Figure V-B-14, it appears that the pH has a 

strong effect on the photodegradation reaction. The optimal photodegradation 

efficiency of 2, 4-D was observed at pH = 6.0. For example, after 8 h of irradiation, 

approximately 30% of 2, 4-D was degraded at pH = 6.0, but no degradation of 2, 4-D 

was observed at pH = 8.5, and only 18% at pH = 3.0.  
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Figure V-B-14 Influence of initial pH on photodegradation of 2, 4-D in the suspension of 

goethite. ([goethite] = 0.2 g L
-1

, [EDDS] = 1.0 mmol L
-1

, [2, 4-D]0 = 0.1 mmol L
-1

) 

 

2, 4-DCP concentrations were also determined at the same time. Results are 

presented in Figure V-B-15. The pH had also a strong effect on the photoproduction of 

2, 4-DCP. At pH = 6.0 and 4.0, the maximum concentration of 2, 4-DCP was more 

than 0.006 mmol L
-1

, it was 0.004 mol L
-1

 at pH 3.0 and no 2, 4-DCP is detected at 

pH 8.5. 
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Figure V-B-15 Influence of initial pH on photoproduction of 2, 4-DCP in the suspension of 

goethite. ([goethite] = 0.2 g L
-1

, [EDDS] = 1.0 mmol L
-1

, [2,4-D]0 = 0.1 mmol L
-1

) 

 

   Conclusions 

 

    The concentration of 2, 4-D was almost the same even after 39 h of shaking 

period in the aqueous solutions in the presence of goethite. It means that there was no 

obvious adsorption of 2, 4-D on the surface of goethite particles at pH 4.0. With the 

increasing of time, in evidence, nearly 9% of 2, 4-D was adsorbed on the goethite at 

pH 3.0. But even at pH 3.0, no more than 4% of 2, 4- D were adsorbed on the goethite 

in suspension after 8 h of shaking period. 

2, 4-D degradation photoinduced by goethite and goethite with or without EDDS 

were investigated in this study. Results indicate that pH, concentrations of goethite 

and EDDS and presence of isopropanol all have effect on the 2,4-D degradation.  

The pH 6.0 is favorable for the photodegradation of 2, 4-D in suspension of 

goethite with EDDS. On the contrary without EDDS, pH 3.0 is favorable for the 

photodegradation of 2, 4-D and no degradation was observed at pH 6.0. The presence 

of isopropanol decreased the photodegradation efficiency of 2, 4-D by a factor of two 
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in the suspension of goethite. This is in agreement with the reaction of 
•
OH radical 

with isopropanol. This result shows that 
•
OH radicals are formed in this system but it 

is not the only reactive species or process capable to degrade 2, 4-D. Same results 

were observed with the photoproduction of 2, 4-DCP.  

The fact that 2, 4-D is degraded by the goethite in the presence of EDDS at pH 

6.0 is a very important result for the fate of organic pollutants in aquatic surface. 

Indeed, such process can be present in real environment and can play an important 

role for the transformation of organic matter.  
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VI-Photodegradation of atrazine photoinduced by the Fe(III)-EDDS 

complex and Fe(III)-pyruvate complex 

 

Atrazine (2-chloro-4-ethylamino-6-isopropylamino-1, 3, 5-triazine) was used as 

a model compound. Figure VI-A-1 was the chemical formula of atrazine 

 

N

N

N

Cl

NN
CH2CH

H H

CH3

CH3

3HC

 

Figure VI-A-1 Chemical formula of atrazine 

 

It was a selective inside-absorbing herbicide which can be used in the fields of 

corn, sorghum, orchard and forest, controlling broad-leaf and grassy weeds. It was not 

readily biodegradable and presented a relatively high persistence in soils and even 

reaches the groundwater. Its solubility in water was low (1.61×10
−4

 mol L
-1

) and did 

not depend on pH. Atrazine, like other herbicides of the S-triazine group, was barely 

oxidized by ozone. Many methods have been developed to remove atrazine, including 

adsorption on activated carbon and advanced oxidation processes.  

The aims of this study were as follows:  

(1) studying the photochemical degradation of atrazine induced by the 

Fe(III)-EDDS system and examining several factors that controlled the kinetics of 

atrazine degradation.  

(2) studying the photochemical degradation of atrazine induced by the 

Fe(III)-Pyr system and examining several factors that controlled the kinetics of 

atrazine degradation. 

Experiments were carried out to study the photodegradation of atrazine induced 

by the Fe(III)-Carboxylate complexes, such as Fe(III)-EDDS and Fe(III)-pyruvate. 
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Parameters such as wavelength irradiation, complex and oxygen concentration and pH, 

were all studied in this work. 

 

A-1-atrazine in aqueous solution 

 

The UV-visible spectrum of solutions with different concentrations of atrazine is 

presented in Figure VI-A-2. Atrazine has two bands with maximum absorption at 220 

and 260 nm.  
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Figure VI-A-2-UV-visible spectra of atrazine at different concentrations. 

 

Experiments were performed to study UV-visible spectra of different aqueous 

solutions: (a) 0.3 mmol L
-1

 Fe(III); (b) 10 mg L
-1

 atrazine; (c) mixture of 0.3 mmol.L
-1

 

Fe(III) and 10 mg L
-1

 atrazine; (d) sum of (a) and (b) spectra. Figure VI-A-3 shows 

the spectra of the solutions 3 min after the preparation. The spectrum of the mixture 

(Fe(III) + atrazine) correspond to the sum of the spectra of the both components. This 

result shows that there is no interaction (complexation) between atrazine and Fe(III) 

in the aqueous solution and in the fundamental state. 
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Figure VI-A-3 UV-Visible absorption spectra of aqueous solution 3 min after the 

preparation with 0.3 mmol L
-1

 of Fe(III) and 10 mg L
-1

 of atrazine 

 

 

A-2-Degradation of atrazine photoinduced by Fe(III)-EDDS complex 

at 365 nm 

 

The photodegradation of atrazine was studied in the presence of Fe(III)-EDDS 

complexes. Irradiation was with polychromatic tubes emitting between 300 and 500 

nm. Concentration of complex and oxygen, pH and effect of isopropanol were all 

studied in this work. 

 

A-2-1- Effect of initial Fe(III), EDDS concentrations on the degradation of 

atrazine 
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Figure VI-A-4 Photodegradation of atrazine in the Fe(III)-EDDS systems, (a) with different 

Fe(III) concentrations and (b) with different EDDS concentrations. pH = 3.0. 

 

In this work, both Fe(III) and EDDS were the essential elements for the 

degradation of atrazine. It was necessary to study their effect on the reaction. 

Experiments were carried out to study the effect of different ratio of Fe(III)/EDDS on 
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the photodegradation of atrazine. Figure VI-A-4 presented results in the water with the 

following as the initial concentrations: 10.0 mg L
-1

 of atrazine, 0.3 mmol L
-1

 of EDDS 

and different Fe(III) concentrations under irradiation at pH 3.0. With an increase of 

the initial concentration of Fe(III) from 0.1 to 0.3 mmol L
-1

, after 8 hours of 

irradiation, the photodegradation efficiency of atrazine have reached 60%, 55% and 

25% in the solutions. The photodegradation efficiency of atrazine was also decreased 

from 100% to 25% with the increase of EDDS concentration from 0.1 mmol L
-
 to 0.3 

mmol L
-1

 after 3 hours of irradiation. 

In these experimental conditions (pH = 3.0), Fe(III) species seems to be more 

photoreactive than Fe(III)-EDDS complex for the degradation of atrazine. When the 

concentration of EDDS decreases from 0.3 to 0.1 mmol L
-1

, the complexation of iron 

is not complete and the degradation of atrazine strongly increases. This result can be 

also explained by the competition of 
•
OH radicals reaction on atrazine or on EDDS 

and its oxidized degradation products. Moreover, when the concentration of Fe(III) 

decreases from 0.3 to 0.1 mmol L
-1

 the degradation efficiency of atrazine is divided 

by a factor of two. In this case the lower degradation of atrazine is mainly due to the 

lower concentration of iron. 
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Figure VI-A-5 Influence of ratio of Fe(III)/EDDS on the photogeneration of Fe(II) in 

aqueous solution. 

 

The formation of Fe(II) was very fast at the beginning of the irradiation and in 10 

to 15 minutes reached a constant value (Figure VI-A-5). This constant value was 

higher when the concentration of Fe(III) was higher and also when the concentration 

of EDDS was higher. In the case of 0.3 mmol L
-1

 of each component, the 

complexation of iron was complete and the formation of Fe(II) was higher. This result 

indicated that, contrary to the disappearance of atrazine, the photoredox process from 

the complex Fe(III)-EDDS was more efficient for the formation of Fe(II) than with 

Fe(III) aquacomplexes. This is in agreement with the quantum yield calculation for 

the formation of Fe(II). 

  

A-2-2- Effect of initial pH on the degradation of atrazine 
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Figure VI-A-6 Influence of initial pH on photodegradation of atrazine in the 

Fe(III)-EDDS systems. [Fe(III)-EDDS] = 0.3 mmol L
-1

 ; [atrazine] = 10 mg L
-1

. 
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Figure VI-A-7 Influence of initial pH on photoproduction of Fe(II) in the Fe(III)-EDDS 

systems. [Fe(III)-EDDS] = 0.3 mmol L
-1

; [atrazine] = 10 mg L
-1

. 

 

The pH as an important parameter was studied in the solution with [Fe(III)-EDDS] 

= 0.3 mmol L
-1

 and [atrazine] = 10.0 mg L
-1

 under irradiation. Figure VI-A-6 and 

Figure VI-A-7 illustrates the experiment results. More than 30% of the atrazine was 
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degraded at pH 6.0 after 180 min of irradiation. The photodegradation efficiency of 

atrazine was lower at pH =3.0; only 22% of atrazine was degraded after 180 min of 

irradiation. It appeared that the pH can be an important parameter in the 

photodegradation of atrazine induced by Fe(III)-EDDS complex, but after 8 h of  

irradiation the percentage of atrazine degraded was the same whatever the starting pH 

(35%). Interestingly, acidic condition was favorable for the photocycling of Fe(III)/ 

Fe(II) and the formation of active oxygen species, which was the main reason for the 

degradation of atrazine. For Fe(III)-EDDS complex, pH 6.0 is better for the 

photodegradation efficiency of atrazine than pH 3.0. But for longer irradiation times 

the degradation continue only at pH = 3.0 where the Fe(III)/Fe(II) cycle was still 

efficient for the photogeneration of oxidative species. 

 

A-2-3- Effect of initial atrazine concentration on the degradation of atrazine 

 

Experiments were carried out under different atrazine initial concentrations in the 

Fe(III)-EDDS (0.3 mmol L
-1

) system at pH 3.0. Results are shown in Figure VI-A-8 

and Figure VI-A-9.The number of atrazine molecules degraded increased when the 

atrazine concentration increased. When the concentration of atrazine was higher, the 

radical species photogenerated from Fe(III)-EDDS complex reacted preferentially on 

atrazine than in other organic compounds. This result shows that there is a real 

competition for 
•
OH radical attack between atrazine (k = 1.2 to 3.0 × 10

9
 mol

-1 
L s

-1
) 

and EDDS or oxidized EDDS compounds. 
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Figure VI-A-8 Influence of initial concentration of atrazine on photodegradation 

efficiency. [Fe(III)-EDDS] = 0.3 mmol L
-1 
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Figure VI-A-9 Influence of initial concentration of atrazine on photoproduction of Fe(II) in 

the Fe(III)-EDDS system. [Fe(III)-EDDS] = 0.3 mmol L
-1

 

 

Photogenerated concentration of Fe(II) was slightly smaller with the increase of 

atrazine initial concentration. 



 

 126

 

B-Photodegradation of atrazine in the aqueous solutions containing 

Fe(III)-Pyr complex 

 

The composition and photochemical properties of the Fe(III)-Pyruvate 

(Fe(III)-Pyr) complexes in the aqueous solution was studied in previous work (Wang, 

2008). Fe(III) was complexed by Pyr in the ratio of 1:3. Photodegradation of atrazine 

induced by the photolysis of Fe(III)-Pyr was studied. Parameters such as pH, the 

initial concentrations of Fe(III), Pyruvate (Pyr) and atrazine were all investigated. 

Photoproducts were detected by the LC-MS and the photodegradation scheme was 

proposed. 
•
OH radical was the main reactive species involving for the atrazine 

degradation. 

 

B-1-control experiment on photodegradation of atrazine 

 

The control experiments were carried out in the systems with 20 たmol L
-1

 Fe(III) 

or 20 µmol L
-1

 Pyr or 20.0たmol L
-1

/ 60たmol L
-1

 Fe(III)-Pyr complex. The initial 

concentration of atrazine was 10 mg L
-1

. The dark reaction was carried out to keep the 

mixture of atrazine, Fe(III) and pyruvate in the dark. From the results in Figure 

VI-B-1, no degradation of atrazine was observed after 150 min in the dark. The 

presence of light was an essential parameter for the degradation of atrazine. Direct 

irradiation of 10 mg L
-1 

of atrazine showed no degradation of atrazine. The photolysis 

of atrazine was not present between 300 and 500 nm. The photodegradation efficiency 

of atrazine was much higher in the aqueous solution with Fe(III)-Pyr complex than in 

the one with the only presence of Pyr or Fe(III). Although 
•
OH radicals could be 

produced by the direct photolysis of Fe(III) and Pyr, the amount of the radicals 

produced was less important than in the Fe(III)-Pyr system. In this case, Fe(III)-Pyr 

complex overlapped with the entire spectrum of the tubes (300 to 500 nm), allowing 
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the effective use of irradiation. After 150 min of irradiation, nearly 85% atrazine was 

degraded in the Fe(III)-Pyr system and only 35 and 26% with Fe(III) and pyruvate 

respectively.   
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Figure VI-B-1 Photodegradation of atrazine under different conditions at pH 3.0 

 

B-2-Effect of pH, initial Fe(III), Pyr and atrazine concentrations on the 

degradation of atrazine 

 

The pH as an important parameter was studied in the solution with 20 たmol L
-1

 

Fe(III) and 20.0 たmol L
-1

 Pyr and 10.0 mg L
-1

 atrazine under irradiation. Figure 

VI-B-2 (a) illustrates the experiment results. More than 55% of the atrazine was 

degraded at pH 3.0 after 150 min of irradiation. The photodegradation efficiency was 

lower at high pH. Only 20% of atrazine was degraded at pH 4.0 and 13% at pH 6.0 

after 150 min of irradiation. It appeared that the pH played an important role in the 

photodegradation of atrazine. Acidic condition was favorable for the photocycling of 

Fe(III)/ Fe(II) and the formation of active oxygen species, which was the main reason 
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for the degradation of atrazine.  

In this work, both Fe(III) and Pyr were the essential elements for the degradation 

of atrazine. It was necessary to study their effect on the reaction. Experiments were 

carried out to study the effect of different ratio of Fe(III)/Pyr on the photodegradation 

of atrazine. Figure VI-B-2 (b) presents the results in the water with the following as 

the initial concentrations: 10.0 mg L
-1

 of atrazine, 40.0 たmol L
-1

 of Pyr and different 

Fe(III) concentrations under irradiation at pH 3.0. With an increase of the initial 

concentration of Fe(III) from 0 to 80 たmol L
-1

, the photodegradation efficiency 

increased from 30% to 80% after 150min irradiation. As presented in Figure VI-B-2 

(c), the photodegradation efficiency of atrazine was also increased from 35% to 84% 

with the increase of Pyr concentration from 0 to 80 µmol L
-1

. The enhancement of 

atrazine degradation efficiency was attributed to the high concentration of Fe(III)-Pyr 

complex, producing more active oxygen radicals in the system. For high activity of 

•
OH radicals, it was found that they were the most efficient radicals for the pollutant 

degradation. From the photolysis processes of Fe(III)-Pyr, both reagents were found 

to be essential to promote organic compounds degradation under this type of 

irradiation. Experiments were carried out under different atrazine initial 

concentrations in the Fe(III)-Pyr system at pH 3.0. Results are shown in Figure 

VI-B-4 (d). From .the table VI-B-1 it was evidence that the initial rate of atrazine 

degradation increased with the concentration of atrazine. At higher concentration 
•
OH 

radicals reacted preferentially with atrazine.
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Figure VI-B-2. Photodegradation of atrazine in the Fe(III)-Pyr systems, (a) at different pH 

values; (b) with different Fe(III) concentrations; (c) with different Pyr concentrations; (d) 

with different atrazine concentrations. 
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Table VI-B-1 Kinetics analysis of the photodegradation of atrazine 

System R Initial Rate (mg L
-1 

min
-1

) 

Pyr (μM)         [Fe(III)]= 20.0μ mol L
-1

, [atrazine]=10mg L
-1

, pH=3.0 

10 

20 

40 

60 

80 

0.9761 

0.9965 

0.9887 

0.9971 

0.9906 

0.025 

0.061 

0.088 

0.141 

0.168 

Fe(III) (μM)       [Pyr]= 40.0μM, [atrazine]=10mg L
-1

, pH=3.0 

10 

20 

40 

60 

80 

0.9704 

0.9870 

0.9972 

0.9981 

0.9881 

0.021 

0.091 

0.314 

0.388 

0.637 

pH         [Fe(III)-Pyr]= 20.0μM/20.0μM, [atrazine]=10mg L
-1

 

3.0 

4.0 

6.0 

0.9966 

0.9695 

0.9574 

0.061 

0.029 

0.011 

Atrazine (mg L
-1

)   [Fe(III)-Pyr]= 20.0μM/20.0μM, pH=3.0 

2.0  

4.0 

6.0 

8.0 

0.9997 

0.9993 

0.9942 

0.9989 

0.069 

0.087 

0.097 

0.088 

 

According to the time evolution of atrazine under different conditions, we 

analyzed the reaction kinetics. The photodegradation of atrazine fitted well with the 

first order reaction kinetics. Results were presented in Table VI-B-1. Through 

comparing the formation of Fe(II) and degradation of atrazine under the same reaction 

conditions, it was concluded that the initial rate kFe(II) was higher than the katrazine as 

shown in Figure VI-B-3. This result is not surprising because the formation of Fe(II) 

is obtained from the first primary photochemical reaction. As a contrary the 

degradation of atrazine is due active species photogenerated after a chain of reaction.   

 



 

 132

0 20 40 60 80 100 120 140
0

2

4

6

8

10

3

6

9

12

15

18

21Fe(II)

[Fe(III)-Pyr]=20  / 60 μmol L
-1

[Atrazine]=10mg L
-1

pH=3.0

A
tr

az
in

e 
/ 

m
g

 L
-1

Irradiation time / min

F
e(

II
) 

/ 
μM

k
Fe(II)

 = 5.52  μmol L
-1
 min

-1

k
Atrazine

 = 0.141 mg L
-1
 min

-1

 

Figure VI-B-3 Kinetics analysis of atrazine degradation and Fe(II) formation  

 

B-3- Degradation products of atrazine 

 

In the Fe(III)-Pyr system and under irradiation, atrazine was attacked by the 

active radicals, especially 
•
OH radicals. LC-MS was used to identify the intermediate 

photoproducts. The mass spectra were presented in Figure VI-B-4. As expected the 

most intense peak was observed at m/z 216 corresponding to atrazine compound 

[M+H]
+
. The four main fragments-ions m/z 174, 188, 197 and 146 clearly 

demonstrated the formation of the degradation products 2-Chloro-4-ethylamino- 

6-amino-1,3,5-triazine (P1), 2-Chloro-4-isopropylamino-6-amino-1, 3, 5-triazine (P2), 

2-Hydroxy-4-ethylamino-6-isopropylamino-1, 3, 5-triazine (P3) and 2-Chloro-4,6- 

diamino-1, 3, 5-triazine (P4).  
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(a) total ions chromatogram from LC-MS 
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(b) LC-MS spectra of Atrazine 
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(c) LC-MS spectra of CEAT 
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(d) LC-MS spectra of CIAT 
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(e) LC-MS spectra of HEIT 
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(f) LC-MS spectra of CAAT 

 

Figure VI-B-4 LC-MS spectra of the atrazine degradation in Fe(III)-Pyr systems after 

4 h of irradiation:[Atrazine] = 10 mg mL
-1

, [Fe(III)/Pyr] = 10たΜ/30たM, pH = 3.0. 

 

In the Fe(III)-Pyr system and under irradiation, atrazine was attacked by the 

active radicals, especially the 
•
OH radicals,. The main intermediate photoproducts 
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were identified by LC-MS. The four main fragments-ions m/z [M-H
+
] 197, 188, 174 

and 146 clearly demonstrated the formation of the P1, P2, P3 and P4. Figure 8 

presented the scheme of the atrazine photodegradation in the Fe(III)-Pyr system.  
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Figure VI-B-5 Proposed photodegradation mechanism 

The main attack of 
•
OH radicals are i) the attack on the aromatic ring and the 

substitution of Cl atom by OH ii) the abstraction of H atom of the isopropyl group and 

iii) the H abstraction from the ethyl group. 

 

Conclusions  

 

This kind of complex was stable in the aqueous solution. Under irradiation, the 

photolysis of Fe(III)-Pyr complexes could represent the source of active oxygen 

radicals, such as 
•
OH, CO3

•-
, CO2

•-
, H

•
 and RCO2

•
. However it is well known that free 

Fe(III) species could generate 
•
OH radicals through the reaction Fe(III) + H2O + hち → 

Fe(II) + 
•
OH + H

+
. 

•
OH radicals could also be generated by direct photolysis of 

pyruvic acid with a relative quantum yield of 5 ± 3 % (Pozdnyakov, I. P. et al., 2000). 

Oxygen was always involved in the formation of active oxygen species. Acidic 



 

 137

condition was favorable for these two photochemical reactions. 

Under irradiation Fe(III)-Pyr complex could enhance the photodegradation of 

atrazine in the aqueous solution. High degradation efficiency was obtained at high 

concentrations of Fe(III)/Pyr and at lower pH (3.0). Four kinds of primary 

photoproducts were identified in this system. This type of complexes could be formed 

in the natural aquatic environment due to the presence of carboxylic acids and iron. 

Thus, such complexes could influence the fate of inorganic and organic pollutants 

existing in the natural environment. This work could help us to fully understand the 

photoreaction processes under solar irradiation concerning Fe(III)/Pyr complex and its 

potential for the degradation of pollutants in the natural surface and atmospheric 

water.   
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VII-General conclusions 

 

In our experimental conditions, we demonstrated that Fe(III) was complexed by 

EDDS with a ratio 1:1. We also checked the stability of Fe-EDDS complex in the dark 

and at room temperature. Fe(III)-EDDS is stable in the aqueous solutions in our 

experimental conditions (pH = 3.0 to pH = 6.0). Our results show that the pH is an 

important parameter for the stability of the complex and its speciation. At lower pH (< 

2.0) a phenomenon of decomplexation can be proposed. 

In the present study, formation of phenol from benzene was used to determine 

the concentration of 
•
OH radicals by the photolysis of Fe(III)-EDDS complex. 

Parameters, such as pH, the concentration of Fe(III) or EDDS, oxygen were all 

considered in the study. Results shows that the pH value has great effect on the 

photolysis of Fe(III)-EDDS complex in producing 
•
OH. Interestingly, the maximum 

concentration of 
•
OH radicals were observed at pH 6.0 (pH ranged from 3.0 to 6.0). 

This particular point is fully in agreement with the disappearance of 2, 4-D which is 

higher at pH 6.0 than 3.0 in the presence of Fe(III)-EDDS complexes. The 
•
OH 

concentration generated in the system increased also with the increase of Fe(III) or acid 

concentrations. The presence of high concentration of acid strongly favored the 

reoxidation of Fe(II) after the first photoredox process in the complex and as a 

consequence increased the efficiency of 
•
OH radicals photoproduction.. Oxygen is a 

crucial factor for the formation of active radicals in the aqueous solutions. Without 

oxygen no formation of ·OH radical is observed in the containing Fe-EDDS complex 

even under irradiation. 

EDDS has positive effects on the photogeneration of ·OH in the aqueous solution. 

So, the Fe(III)-EDDS complex has the potential of utilizing sunlight as an irradiation 

source. Interestingly, the [S, S’]-isomer of EDDS was reported to be produced 

naturally by a number of microorganisms, such as Amycolatopsisjaponicum sp. nov. 

So in the natural surface waters, such as lakes, which contain Fe(III)/Fe(II) and [S, 

S’]-EDDS, photochemical reactions can be induced by sunlight, and it will play an 
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important role in the oxidation of organic/inorganic pollutants in natural waters. 

Further experimental and theoretical work is needed to fully understand the system 

and its application in natural aquatic or atmospheric environments. 

Photodegradation of 2, 4-D and atrazine photoinduced by Fe(III)-EDDS complex 

was investigated in this study. Results indicate that irradiation wavelength, pH, 

oxygen, ratio and concentration of Fe(III)-EDDS complex and isopropanol, all have 

effect on the quantum yields of Fe(II) formation and 2,4-D degradation. Irradiation 

wavelength has a great effect on the quantum yields, both ΦFe(II) and Φ2, 4-D increase 

with the decrease of wavelength of irradiation. The pH 6.0 and high concentration of 

oxygen are all favorable for the photodegradation of 2, 4-D. In the presence of high 

concentration in oxygen and at pH 6.0 the total degradation of 2, 4-D and 

photogeneration of 2, 4-DCP are observed after 8 h of irradiation. Oxygen is 

necessary for an efficient degradation of 2, 4-D.  

In the presence of goethite particles, the concentration of 2, 4-D was almost the 

same even after 39 h shaking period in the aqueous solutions. It means that there was 

no obvious adsorption of 2, 4-D in suspension with the presence of goethite at pH 4.0. 

With the increasing of time, in evidence, nearly 9% of 2, 4-D was adsorbed on the 

goethite at pH 3.0, But even at pH 3.0, no more than 4% of 2, 4- D were adsorbed on 

the goethite in suspension after 8 h shaking period.  

Degradation of 2, 4-D photoinduced by goethite with or without EDDS complex 

were investigated in this study. Results indicate that pH, concentrations of goethite 

and EDDS in suspension, isopropanol all have effect on the 2,4-D degradation. The 

pH 6.0 is favorable for the photodegradation of 2, 4-D in suspension with goethite and 

EDDS. This is fully in agreement with the results obtained in the presence of the 

complex Fe(III)-EDDS and prove that the degradation is effective through the 

formation of this complex in the system goethite, EDDS and light. As a contrary, in 

the presence of goethite without EDDS, pH 3.0 is favorable for the photodegradation 

of 2, 4-D. Isopropanol depress the photodegradation efficiency of 2, 4-D in all the 

cases. This is in agreement with the formation of 
•
OH radical which react with 

isopropanol. The same results were observed with the photoproduction of 2, 4-DCP. 
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Under irradiation, the photolysis of Fe(III)-Pyr complexes could represent the 

source of active oxygen radicals, such as 
•
OH, CO3

•-
, CO2

•-
, H

•
 and RCO2

•
. In the 

Fe(III)-Pyr system, free Fe(III) species could generate 
·
OH radicals through the 

reaction Fe(III) + H2O + hち → Fe(II) + 
•
OH + H

+
. ·OH radicals could also be generated 

by direct photolysis of pyruvic acid with a relative quantum yield of 5 ± 3 %. Oxygen 

was always involved in the formation of active oxygen species. Acidic condition was 

favorable for this photochemical reaction. 

Fe(III)-Pyr complex could enhance the photodegradation of atrazine in the 

aqueous solution and under irradiation. High degradation efficiency was obtained at 

high concentrations of Fe(III)/Pyr and at low pH, as a contrary of the complex 

Fe(III)-EDDS where the photoactivity is higher at pH 6.0. Four kinds of 

photoproducts were identified in this work. This type of complexes could be formed 

in the natural aquatic environment due to the presence of carboxylic acids and iron. 

Thus, such complexes could influence the fate of inorganic and organic pollutants 

existing in the natural environment. This work could help us to fully understand the 

photoreaction processes concerning Fe(III)/Pyr complex and its potential for the 

degradation of pollutants in the natural surface and atmospheric water under solar 

irradiation. 

 The main conclusion of this thesis is that iron-organic acids complexes represent 

a class of species which can play a very important role in the environment for the 

transformation and as a consequence the fate of organic matter in aquatic 

compartments. We demonstrated that these complexes are photochemically (under 

solar light) in a large range of pH and in different physico-chemical properties of the 

aqueous solution. 
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