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Abstract 
The effect of combining the photocatalytic processes using TIO2 and the 

photo-Fenton reaction with ferrous sulfate as a source of Fe2+was investigated 
in the color removal of a novel group of mono and disaryl azo dyestuffs that are 
based on the 1,2,4-benzothiadiazine 1,1-dioxide moiety. These processes utilize 
the very strong oxidizing power of hydroxyl radicals to oxidize organic 
compounds to harmless end products. Three dyes were used in this work. These 
dyes belong to direct dyes and they are resistant to biodegradation. The 
parameters studied were: titanium dioxide, ferrous sulfate and hydrogen 
peroxide concentrations; pH and reaction time. The decomposition of dyes was 
examined under visible light. The kinetics study of dyes degradation indicated 
that the process is first order. Experimental results revealed that, the first-order 
rate constants in case of using TiC>2 were higher than that in case of its absence 
by about 1.4 times. It was found that an increase of dyes photodegradation 
efficiency could be achieved when the photocatalytic process using Ti02 is 
combined with photo-Fenton reaction. The maximum removal of color reached 
over 96% in case of using Ti02 as a catalyst after a retention time ranging from 
40-45 minutes. 
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L Introduction 

Textile dyes and other commercial colorants have become the focus of 

environmental remediation efforts because their natural biodegradabiiity is 

made increasingly difficult owing to improve properties of dyestuffs [1-3]. 

Many dyes are highly water-soluble in order to meet the color requirement of 

deep dyeing- Consequently, traditional wastewater treatment methods such as 

flocculation, activated carbon adsorption, and biological treatment are 

increasingly ineffective. Advanced Oxidation Processes (AOPs) have been 
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intensively investigated over the last two decades for application in water and 
wastewater treatments. Among those processes,-heterogeneous photocatalysis 
using Ti02 and the photo-Fenton reaction have received great attention 
especially when solar irradiation is applied. Previous studies [1-14] showed 
that electron transfer between dyes and nanosized semiconductor particles 
occurs under visible and UV irradiation, and that dyes can be degraded to 
smaller organic substances and ultimately mineralized completely to water, 
carbon dioxide as well as other inorganic ions. Utilizing these processes to 
degrade colored organic pollutants, such as dyes, has important implications 
because they can make using of visible light or natural sunlight. Data reported 
recently in the literature on the photocatalyzed degradation of certain dyes by a 
heterogeneous photocatalytic process are not sufficient for industrial or for large 
scale pilot plant applications because several experimental parameters (e.g., 
light intensity, reactor geometry, pH, temperature, concentration &structure of 
reactant and concentration of TiC^) have complex effects on the degradation 
reaction and thus also on treatment cost [15]. Heterogeneous photocatalysis 
through illumination of aqueous suspensions of Ti02 offers an attractive 
advanced oxidation technology that is capable of purifying wastewater [16]. 
The photocatalyzed degradation of dyes has been reported for Ti02 thin films 
[17] and in aqueous Ti02 suspensions using simulated or natural sunlight [18-
20]. As one of the AOPs, photocatalytic oxidation of toxic organic compounds 
by semiconductors is an emerging technology. Upon illumination by photons 
(solar radiation), electrons on the surface of the semiconductor are excited to the 
conduction band, and positive holes are formed in the valence band. The 
electrons and holes can either recombine and produce thermal energy, or 
interact with other molecules. The holes react with electron donors in the 
solution to produce powerful oxidizing free radicals such as hydroxyl radicals, 
which oxidize the organic on the surface. The holes can also oxidize the 
substrate by direct electron transfer, this can summarized as follow [21]: 
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Ti02 + hv > e'cB + h+
VB (1) 

h+
VB + OHT (surface) ► HO' (2) 

h+
VB +H20 ► HO' + H* (3) 

e"cB +0+2 > 02 ' (4) 
e'cB +h+

VB ► heat (5) 
Where, hv represents solar radiation, If VB is valence bond hole, and e"Cs is 

conduction band electrons. Generally, dyes resist photolytic degradation, 
therefore, the present work aims to examine the effect of combining the 
photocatalytic processes using Ti02 as a catalyst and the photo-Fenton reaction 
with ferrous sulfate as a source of Fe in the degradation of a novel group of 
direct dyes under visible light or natural sunlight. 

2.Materials and methods 
The three tested dyes (Table 1) were previously synthesized by Wall et aLt 

[22], and the solutions were prepared by dissolving the appropriate amount of 
each dye in distilled water at 75 mg/1. The pH solution was adjusted by adding 
H2S04 or NaOH (EI-Nasr Pharmaceutical Company) to attain the desired pH 
values. Hydrogen peroxide (Merck, 30% w/v); ferrous sulfate and titanium 
dioxide were obtained from Aldrich Chemical Company. All chemicals used of 
high purity grade. An aqueous solution (500 ml,75 mg/1) of each dye was 
prepared in a one liter glass beaker. The initial pH of the solutions was adjusted 
prior to addition of Ti02, as necessitated by the experimental conditions. All 
reactions were performed in batch model using mechanical Jar test (Fig.l) and 
all experiments were conducted at room temperature (25±2 °C) under visible 
light. In a series of glass beakers, aqueous solution of each dye was mixed with 
ferrous sulfate and hydrogen peroxide in different proportions. The whole 
beakers were firstly stirred for 1 minute at 200 r.p.m, after that stirring was 
continued for 15 minutes at a speed of 25-30 r.p.m and finally left for complete 
settling of solid materials. A 5 ml aliquot was sampled at various time intervals; 
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it was centrifuged prior to analyses, the remaining dye concentration was 

measured using a spectrophotometer (Galen kamp visi-spec SPR-590-010-W) . 

Table 1: Chemical structure, color and maximum wavelength of the tested dyes. 
Dye 
no. 

1 

Chemical structure Color 

COOCjH, 

2-amino-3-[a-(/?-4-Carbethoxyphenyl 
hydrazono)phenoxymethyl]-l ,2,4-benzothiadiazine 1,1-

dioxide 

Dark 

brown 

Maximum 
wavelength 

410 nm 

,H»—u 6^ \ 

Red 540 nm 

2-(4v-oxo-3v-phenyI-5s-2J5-Dichloro-4-sulphophenyJ 
hydrazojiD-l\3^-thiazol-2^-ylimino)-3-[a-(i?-

toly lhydrazono)-phenoxymethyJ]-1,2,4-
benzothfadiazine 1,3-dioxide  

Navy 
blue 

764 nm 

SOjH 

2-(4v-oxo-3y-piienyl-8-SulphonaphthyI hydrazono-l\3^-
thia2o]-2^-ylimino)-3-[a-07-toJylhydrazono)-

phenoxymethylJ-l,2,4-benzothiadiazine 1,1-dioxide 
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3. Results and discussion 

The first step was determining the optimum conditions for the best color 

removal of dyes from their aqueous solutions by Fenton process. These optimum 

conditions were determined from the experimental setup for dye (2) as an example 

for the tested dyes. 

Fig- 1. Experimental Set-Up. 
3.1. Effect of pH 

Fenton's reaction is strongly affected by the pH value since it influences the 

generation of HO* radicals and thus the oxidation efficiency [11, 12]. Fig. (2) 

indicated that the remaining concentration was highly affected by the pH value. 

The optimum pH value for the maximum removal of the color of the tested dye 

was 3. Therefore, all the studied systems were firstly adjusted at pH 3. At pH 

values above 6 the degradation strongly decreases because, the ferrous catalyst 

is deactivated by the formation of ferric hydroxo complexes [13,23,24], Also at 

higher pH values iron precipitates as hydroxide which reduces the transmission 

of light and in turn, deactivates the Fenton oxidation process. 

3.2. Effect of hydrogen peroxide dose 

Results obtained in Fig. (3) indicated that the color removal of dye from their 

aqueous solutions increases by increasing hydrogen peroxide doses. The effect 
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of hydrogen peroxide is not significantly effective at doses higher than 200 
mg/1. Also it can be noticed from this figure that, the percent of removal was 
over 90 % at 200 mg/1 hydrogen peroxide after retention time 70-80 minutes. At 
higher doses than 200 mg/1, there was a slight increase of dye removal. 
Generally, the removal rate of organic compounds increases as the dose of 
hydrogen peroxide increases until a critical value; after this critical value, the 
removal may decrease or not significantly increase as a result of so called 

scavenging effect. However, the excess of H202 will react with HO- radicals 

competing with the organic pollutants and consequently reducing the efficiency 

of the process, so that H2O2 should be added at an optimal concentration to 

achieve the best degradation. 

3.3- Effect of ferrous sulfate dose 

The results shown in Fig, (4) indicated that the destruction of the tested dye 
in aqueous solutions increases by increasing ferrous sulfate dose, the effect of 
ferrous sulfate is not significantly effective at doses higher than 90 mg/1. It can 
be seen from this figure that, the percent of color removal was over 90 % after 
reaction time 70-80 minutes. The ferrous sulfate concentration recommended is 
around 90 mg/I., this will contribute to less formation of iron precipitate, one of 
the main disadvantage of Fenton process [25]. 

0 20 40 , 60, 10 100 120 
Time, minutes 

Fig.2: plot of remaining concentration of dye 2 at different 
pH values at 90 mgfl FeSO*, 200 mgfl H202 
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Fig.3: Plot of remaining concentration of dye 2 at different H202 

doses at ferrous sulfate dose 90 mg/I and pH 3. 

Time, minutes 
Fig, 4: plot of remaining concentration of dye 2 against lime at 

different ferrous sulfate doses at pH 3 and 200 mg/I H3Oj. 

Results shown in Figures 2-4 indicated that, the optimum conditions for best 
color removal of dye (2) were 200 mg/1 H2O2 90 mg/1 FeSC>4 at pH 3. Also it is 
clear that a reaction time ranging from 70 to 80 minutes was sufficient to verify 
the best color removal. 

3.4. Addition of titanium dioxide 

The main aim of this study was to examine the effect of presence of titanium 
dioxide as a catalyst on the color removal of dyes during the Fenton process. This 



was achieved through using different doses of titanium dioxide at the determined 

optimum conditions for dye (3). Fig. 5 indicated that the remaining dye 

concentration decreases by increasing the dose of catalyst to certain limit up to 

100 mg/I, after that the remaining concentration not affected by the catalyst. 

0 20 40 60 80 100 120 140 
time, minutes 

Fig.5: Plot of remaining dye concentration at different titanium dioxide 
concentration. 

Two samples of aqueous solutions of the three dyes of concentration 100 

mg/1 were prepared, after that Ti02 catalyst (100 mg/1) was added to one sample 

[90 mg/1 FeS04, 200 mg/1 H202 and pH = 3] while the other was subjected to 

treatment without the addition of the catalyst It was observed that, the color 

removal efficiencies were increased in case of using catalyst and the process was 

faster as shown in figures 6-8. 

The increase in color removal of dyes in the presence of Ti02 may be 

attiibuted to illumination by photons (solar radiation) results in excitation of 

electrons on the surface of the semiconductor to the conduction band, and positive 

holes are formed in the valence band. The electrons and holes can interact with 

other electron donor's molecules in the solution to produce powerful oxidizing 

free radicals such as hydroxyl radicals, which oxidize the organic on the surface 

[21,23 , 26]. This may explain the increase of degradation of dye or color removal 

in case of presence of Ti02. From these figures, it clear that the sequence of color 
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removal for the three tested dyes were in the order, dye 1 > dye 2 > dye 3. This 
order of removal in accordance with the finding in the literature [21, 26], since 
monoazo dye (dye 1) is easily degrade than disazo dye (dyes 2 and 3). 

J2 
o 
« 80 

■Fenton's reaction 
■catalyzed Fenton's ractlon 

ao so 
lime, minute 

too 

Fig, 6; Effect of Ti02 on the removal of dye 1 (brown) at 
optimum conditions. 
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F lg .7 : Effect of Ti02 on the removal o f d y e 2 (red) at optimum condit ions. 
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Fig.8: Effect of T1O2 on the removal of dye 3 (navy blue) at 
optimum conditions. 

3.5. Kinetics of dyes degradation 

In order to study the effect of Ti02 addition on the photocatalytic treatment 

process, the values of the kinetic rate constant are calculated in presence and 

absence of Ti02 . The kinetic plots of In Ct/C0 with time indicate that the process 

is first order as confirmed by the linear representations [21 , 23], these plots are 

shown in figures 9-11 with conelation coefficient over 0.91. The evaluated data 

obtained from kinetic plots are listed in Table 2. 

Table 2: First order rate constants for Fenton's reaction in 
presence and absence of Ti02-

Dye no. First order rate constants Dye no. 
Fenton's reaction 

(H202/FeS04) 
Photocatalytic Fenton's reaction 

(TiCVHiOa/FeSO,,) 
1 0.0273 0.0356 
2 0.0153 0.0227 
3 0.0163 0.0238 
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Fig.9: plot of first order rate constants for removal of dye 
1 (brown) from aqueous solutions. 
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Fig.10: Plot of first order rate constants for removal of dye 2 
(red) from aqueous soJutions. 
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■ 
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Flg.ll: Plot of first order rate constants for removal of dye 3 
(navy blue) from aqueous solutions. 

Generally, the first order rate constant in case of using titanium dioxide is 
higher than that in case of its absence by L30, 1.48 and 1.46 times for dyes 1,2 
and 3 respectively. The main effect of titanium dioxide is not only to increase the 
color removal of dyes but also to accelerate the process and reducing retention 
time by about 35 minutes. 

4. Conclusions 

The following conclusions can be withdrawn from this research: 

l.Fenton's oxidation process successfully achieved good color removal 

efficiency of dyes (over 90%) at optimum conditions (pH=3, H202 dose=200 

mg/1 FeS04 dose=90 mg/1), while adding 100 mg/1 of titanium dioxide at 

optimum conditions, the color removal efficiency increased to be over 96%. 

2.The main effect of titanium dioxide is not only to increase the color removal 

of dyes but also to accelerate the process and reducing retention time by 

about 3 5 minutes. 
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3.Kinetic plots indicate that the process is first order as confirmed by the linear 
representations of results. The first order rate constant in case of using 
titanium dioxide is higher than that in case of its absence by 1.30, 1.48 and 
1.46 times for dyes 1,2 and 3 respectively. 
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