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Abstract

The degradation of benzothiazole in aqueous solution by a photo-assisted Fenton reaction has
been studied in a batch reactor in the pH range 2.0–3.2 and for H2O2 and Fe(III) concentrations
respectively between 1.0 × 10−3–1.5 × 10−1 and 1.0 × 10−6–4.0 × 10−6 M.

A kinetic model has been developed to predict the decay of benzothiazole at varying reaction
conditions. The use of kinetic constants from the literature in the model allows to simulate the
system behavior by taking into account the influence of pH, hydrogen peroxide, Fe(III) and sulfate
concentrations and the ionic strength. © 2000 Elsevier Science B.V. All rights reserved.
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1. Introduction

Among all the most well known system which allow the generation of OH radicals Fenton
reaction is represented by the following reaction:

FeII + H2O2

kFeII /H2O2→ FeIII + HO− + HO• (1)

In recent years, the possibility of utilizing the Fenton reaction for the oxidative treatment
of wastewaters has been reported by several authors [1–3]. However, the limit of this sys-
tem, that is, the need to use a stoichiometric amount of Fe(II) has turned attention to
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mineral-catalyzed Fenton [4–6] or to a possible variation of reaction (1), the so-called
photo-assisted Fenton system. The latter combines an ultraviolet light (λ > 300 nm), hy-
drogen peroxide and catalytic amounts of Fe(III) to produce HO radicals, according to the
following reaction:

Fe(OH)2+ hν→HO• + FeII (2)

as well as reaction (1). Although other reactions occur (see below), reactions (1) and (2)
clearly elucidate the main feature of photo-assisted Fenton system, that is iron cycling
between+2 and+3 oxidation states with HO production being only limited by H2O2
availability.

Following the papers of Pignatello and co-workers on the chlorophenoxy herbicides
and dioxins [7,8], the degradation of a significant number of chemical pollutants by
means of Fe3+-photo-assisted Fenton has been studied [9–17], indicating much interest
of researchers in this oxidative system. This interest is entirely explained if one consid-
ers that Fe3+-photo-assisted Fenton along with titanium dioxide-mediated photocataly-
sis [18] are the oxidative systems which exploit solar energy for water and wastewater
treatment.

In a previous paper [19], the oxidation of benzothiazole and two of its derivatives (MBT
and OBT) was studied using of H2O2/UV and Fe3+-photo-assited Fenton techniques.

The study of the oxidative treatments of these compounds has been undertaken due to
their presence in industrial effluents and river waters [20–22] as well as doubt about their
biodegradability [23–25]. In the same paper [19] a model which describes the benzothiazole
derivatives behavior in H2O2/UV experiments has been developed too and used to obtain
kinetic constants for HO radical attack to studied heterocyclics.

In the present paper the authors extend the kinetic modeling to simulate the decay of ben-
zothiazole when it is subjected to an oxidative treatment by means of Fe3+-photo-assisted
Fenton and in which the role of buffering species (HSO4

− and SO4
2−) and ionic strength

is accounted for.

2. Experimental

All the experiments were carried out at 293 K in an annular glass reactor equipped with
a high pressure Hg lamp (UV 12F Helios Italquartz) of a nominal power of 125 W, mainly
emitting at 305, 313 and 366 nm (manufacturer’s data). The irradiated volume of the reactor
(Vo) and the path length (L) were 0.28 l and 1.1 cm, respectively.

BT (benzothiazole), ferric perchlorate (Fe(ClO4)3·9H2O, 98%) from Sigma Aldrich
and anhydrous ferric sulfate (Fe2(SO4)3, 97%) from Carlo Erba Reagents were Ana-
lytical Grade. Hydrogen peroxide (30% by weight not stabilized) was purchased from
Fluka.

The pH of BT solutions was regulated with perchloric acid or sulfuric acid-sodium sulfate.
KClO4 was used to regulate the ionic strength. Stock solutions were freshly prepared in
dark for each run by dissolving the ferric salt in a proper volume of bi-distilled water at an
adjusted pH. Solutions were immediately used to avoid the formation, reported by others
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[26], of high molecular weight hydrolysis products. No evidence of turbidity or precipitate
on 0.25 micron filters was observed, thus ruling out the possibility of formation of colloidal
iron oxides.

Each run was carried out by first switching on the lamp without solutions in the reactor
and, after the achievement of the maximum irradiating lamp power (10 min), by rapidly
feeding the solutions to the reactor.

Due to the difficulties to prevent further oxidation after sampling, samples were taken
from the reactor and immediately injected and analyzed. The concentration of the substrate
was evaluated by HPLC analysis. For this purpose, the HPLC apparatus was equipped
with a UV–VIS detector (λ = 220 nm) and a Phenomex C6 reverse phase column, using
a 80:20 buffered aqueous solution: acetonitrile as mobile phase, flowing at 0.5 ml min−1.
The buffered aqueous solution was prepared with 4 ml phosphoric acid, 25 ml methanol in
1 l HPLC water.

All glassware and photolysis tubes were cleaned with hydrochloric acid and washed
several times with bi-distilled water before the use. pH measurements were performed by
means of an Orion 960 pH-meter.

The power of lamp at 366 nm (I0
(366)), recorded using a UV radiometer, was 4.77 ×

10−7 einstein s−1, whereas that at 313 nm (I0
(313)) was determined with valerophenone acti-

nometry by assuming a quantum yield of 1 mol einstein−1 [27]. Valerophenone was analyzed
by HPLC, using a water–acetonitrile mixture as the mobile phase. From these measurements
a value of 7.97× 10−7 einstein s−1 was obtained.

Hydrogen peroxide was analyzed using an iodometric method. The molar absorptivities
(M−1 cm−1) for H2O2 and BT atλ = 305, 313 and 366 nm were calculated by measuring
the absorbance of a H2O2 solution (5.0 × 10−3 M) and BT solution (1.0 × 10−5 M) with
UV–VIS spectrophotometer (HP 8452 A) with quartz cells (path length= 1 cm).

A numerical integration program (Matlab) was used to compute the time-concentration
profiles.

3. Results and discussion

3.1. Kinetic model

As previously reported photo-assisted Fenton system is characterized by the capability
of iron(III) hydroxy complex, Fe(HO)2+, to photoreduce:

Fe(OH)2+ hν→HO• + FeII

which renders Fe(II) available for the classic Fenton reaction (1).
The system is completely described by means of the following reaction:

FeII + HO•kFeII /HO→ FeIII + HO− (3)

FeII + HO2
•kFeII /HO2→ Fe(HO2)

2+ (4)
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HO2
•
k

HO2
•

→ H+ + O2
•− (5)

H++O2
•−

k
O2

•−
→ HO2

• (6)

Fe(HO2)
2+kFe(HO2)2+

→ FeII + HO2
• (7)

FeIII + HO2
•kFeIII /HO2→ FeII + O2 + H+ (8)

FeIII + H2O2

kFeIII /H2O2→ FeII + HO2
• + H+ (9)

FeII + O2
•− + H+

k
FeII /O2

•−
→ Fe(HO2)

2+ (10)

FeIII + O2
•−

k
FeIII /O2

•−
→ FeII + O2 (11)

H2O2
hν→2HO• (12)

HO• + H2O2
kHO/H2O2→ H2O2 + HO2

• (13)

2HO2
• kt→H2O2 + O2 (14)

SO4
2− + HO• + H+kHO/HSO4→ H2O + SO4

•− (15)

Substrate+ HO• kc→products (16)

and equilibrium relationships:

FeIII + HO−KEq. (17)

 Fe(OH)2+ (17)

Fe(OH)2+ + HO−KEq. (18)

 Fe(OH)2

+ (18)

Fe(SO4)
+KEq. (19)


 FeIII + SO4
2− (19)

SO4
2− + H+KEq. (20)


 HSO4
− (20)

FeIII + H2O2
KEq. (21)

 Fe(HO2)

2+ + H+ (21)

Fe(OH)2+ + H2O2
KEq. (22)

 Fe(OH)(HO2)

+ + H+ (22)

FeSO4
KEq. (23)

 FeII + SO4

2− (23)
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On the basis of above reported reactions the following mass-balance equations are thus
written for all the involved species:

d[FeIII ]T
dt

= − F

Vo
+ kFeII /HO[FeII ][HO•] + kFeII /H2O2

[FeII ][H2O2]

+kFeII /HO2
• [FeII ][HO2

•] − kFe(HO2)
2+ [Fe(HO2)

2+]

−kFeIII /HO2
• [FeIII ][HO2

•] − kFeIII /H2O2
[FeIII ] [H2O2]

−k
FeIII /O2

•− [FeIII ][O2
•−] + k

FeII /O2
•− [FeII ][O2

•−] (24)

d[FeII ]T
dt

= + F

Vo
− kFeII /HO[FeII ][HO•] − kFeII /H2O2

[FeII ][H2O2]

−k
FeII /O2

•− [FeII ][O2
•−] − k

FeII /HO2
•− [FeII ][HO2

•]

+kFe(HO2)
2+ [Fe(HO2)

2+] + kFeIII /HO2
• [FeIII ][HO2

•]

+kFeIII /H2O2
[FeIII ][H2O2] + k

FeIII /O2
•− [FeIII ][O2

•−] (25)

d[H2O2]

dt
= −FH2O2

Vo
− kFeII /H2O2

[FeII ][H2O2] − kHO/H2O2[HO•][H2O2]

+kt

2
[HO2

•]2 − kFeIII /H2O2
[FeIII ][H2O2] (26)

d[HO2
•]

dt
= +kHO/H2O2[HO•][H2O2] − kFeII /HO2

• [FeII ][HO2
•] − kt[HO2

•]2

−kFeIII /HO2
• [FeIII ][HO2

•] + kFe(HO2)
2+ [Fe(HO2)

2+]

+kFeIII /H2O2
[FeIII ][H2O2] − kHO2

• [HO2
•] + k

O2
•− [O2

•−][H+] (27)

d[O2
•−]

dt
= −k

FeII /O2
•− [FeII ][O2

•−] − k
FeIII /O2

•− [FeIII ][O2
•−]

+kHO2
• [HO2

•] − k
O2

•− [O2
•−][H+] (28)
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d[HO•]

dt
= 1

Vo
(+F + 2FH2O2) − kFeII /HO[FeII ] [HO•]

+kFeII /H2O2
[FeII ][H2O2] − kHO/H2O2[HO•][H2O2]

−kc[S][HO•] − kHO/HSO4
− [HO•][HSO4

−] (29)

d[HSO4
−]

dt
= −kHO/HSO4

− [HO•][HSO4
−] (30)

where

FH2O2 =
3∑

i=1

(I0
λi

Φ
(H2O2)
λi

)

[
1 − exp

(
−2.3L

((
3∑

i=1

ε
(H2O2)
λi

)
[H2O2]

+
(

3∑
i=1

ε
(S)
λi

)
[S] +

(
3∑

i=1

ε
(Fe(HO)2+)
λi

)
[Fe(HO)2+]

+
(

3∑
i=1

ε
(Fe(HO2)

2+)
λi

)
[Fe(HO2)

2+]

+
(

3∑
i=1

ε
(Fe(HO)(HO2)

2+)
λi

)
[Fe(OH)(HO2)

+]

))]
fH2O2 (31)

F =
3∑

i=1

(I0
λi

Φ
(Fe(HO)2+)
λi

)

[
1 − exp

(
−2.3L

((
3∑

i=1

ε
(H2O2)
λi

)
[H2O2]

+
(

3∑
i=1

ε
(S)
λi

)
[S] +

(
3∑

i=1

ε
(Fe(HO)2+)
λi

)
[Fe(HO)2+]

+
(

3∑
i=1

ε
(Fe(HO2)

2+)
λi

)
[Fe(HO2)

2+]

+
(

3∑
i=1

ε
(Fe(OH)(HO2)

2+)
λi

)
(Fe(OH)(HO2)

+)

))]
fFe(OH)2+ (32)
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with λ1 = 305 nm,λ2 = 313 nm andλ3 = 366 nm and

fH2O2 =
(∑3

i=1ε
(H2O2)
λi

)
[H2O2](∑3

i=1ε
(H2O2)
λi

)
[H2O2] +

(∑3
i=1ε

(S)
λi

)
[S]

+
(∑3

i=1ε
(Fe(HO))2+
λi

)
[Fe(HO2)

2+]

+
(∑3

i=1ε
(Fe(HO2))

2+
λi

)
[Fe(HO2)

2+]

+
(∑3

i=1ε
(Fe(OH)(HO2))

2+
λi

)
[Fe(OH)(HO2)

2+]

(33)

fFe(HO)2+ =
(∑3

i=1ε
(Fe(HO))2+
λi

)
[Fe(HO)2+](∑3

i=1ε
(H2O2)
λi

)
[H2O2] +

(∑3
i=1ε

(S)
λi

)
[S]

+
(∑3

i=1ε
(Fe(HO))2+
λi

)
[Fe(HO)2+]

+
(∑3

i=1ε
(Fe(HO2))

2+
λi

)
[Fe(HO2)

2+]

+
(∑3

i=1ε
(Fe(OH)(HO2))

+
λi

)
[Fe(OH)(HO2)

+]

(34)

To calculate the concentration of all iron and sulfate-containing species, four other mass-
balance equations need to be added:

[Fe3+]T = [Fe3+] + [Fe(HO)2+] + [Fe(HO)2
+]

+[Fe(HO2)
2+] + [Fe(OH)(HO2)

+] + [Fe(SO4)
+] (35)

[Fe2+]T = [Fe2+] + [FeSO4] (36)

[SO4
2−]T = [SO4

2−] + [HSO4
−] + [FeSO4] + [Fe(SO4)

+] (37)

[H2O2]T = [H2O2] + [Fe(HO2)
2+] + [Fe(OH)(HO2)

+] (38)

along with equilibrium relationships:

[Fe(OH)2+] = KEq.(17)
γFe3+γHO−

γFe(OH)2+
[Fe3+][HO−] (39)

[Fe(OH)2
+] = KEq.(17)KEq.(18)

γFe3+γ 2
HO−

γFe(OH)2+
[Fe3+][HO−]2 (40)

[Fe(HO2)
2+] = KEq.(21)

γFe3+

γFe(HO2)
2+γH+

[Fe3+][H2O2]

[H+]
(41)
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Table 1
Rate constants (ki ), equilibrium constants (Ki ), quantum yields (Φ(λi )), UV-light intensities (I0

(λi )
) and molar

extinction coefficients (ε(λi )) for kinetic modeling

Parameter Value References

kHO/H2O2 3.3× 107 M−1 s−1 [28]
kc 4.64× 109 M−1 s−1 [19]
kHO/HSO4 1.19× 106 M−1 s−1 [29]
kt 8.3× 105 M−1 s−1 [30]
kFeII /HO 3.2× 108 M−1 s−1 [29]
kFeII /H2O2

63 M−1 s−1 [31]
kFeII /HO2

1.2× 106 M−1 s−1 [32]
kFeIII /HO2

3.3× 105 M−1 s−1 [34]
kFe(HO2)2+ 2.7× 10−3 s−1 [33]
kFeIII /O2

−• 5.0× 107 M−1 s−1 [35]
kFeII /O2

−• 1.0× 107 M−1 s−1 [36]
kHO2

• 1.58× 105 s−1 [30]
kO2

−• 1.0× 1010 M−1 s−1 [30]
kFeIII /H2O2

2.0× 10−3 M−1 s−1 [37]
KEq. (17) 6.5× 1011 M−1 [38]
KEq. (18) 7.08× 10−5 M−1 [40]
KEq. (19) 3.08× 1010 M [39]
KEq. (20) 8.3× 10−13 M−1 [41]
KEq. (21) 3.65× 10−3 [42]
KEq. (22) 2.0× 10−4 [43]
KEq. (23) 5.01× 10−3 M [43]

Φ
H2O2
313 3.0× 10−1 mol einstein−1 [44]

Φ
Fe(HO)2+
305 0.14 mol einstein−1 [45]

Φ
Fe(HO)2+
313 0.14 mol einstein−1 [45]

Φ
Fe(HO)2+
366 0.017 mol einstein−1 [45]

εS
305 8.2× 10 M−1 cm−1 Directly measured

εS
313 4.0× 10 M−1 cm−1 Directly measured

εS
366 8.0 M−1 cm−1 Directly measured

ε
Fe(HO)2+
305 1970 M−1 cm−1 [45]

ε
Fe(HO)2+
313 1760 M−1 cm−1 [45]

ε
Fe(HO)2+
366 250 M−1 cm−1 [45]

ε
Fe(HO2)2+
305 850 M−1 cm−1 [43]

ε
Fe(HO2)2+
313 600 M−1 cm−1 [43]

ε
Fe(HO2)2+
366 380 M−1 cm−1 [43]

ε
Fe(OH)(HO2)+
305 9900 M−1 cm−1 [43]

ε
Fe(OH)(HO2)+
313 8200 M−1 cm−1 [43]

ε
Fe(OH)(HO2)+
366 1800 M−1 cm−1 [43]

I0
(313) 7.97× 10−7 einstein s−1 Directly measured

I0
(366) 4.77× 10−7 einstein s−1 Directly measured
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[Fe(OH)(HO2)
+] = KEq.(21)KEq.(22)

γFe3+

γFe(HO2)
2+γ 2

H+

[Fe3+][H2O2]2

[H+]2
(42)

[Fe(SO4)
+] = 1

KEq.(19)

γFe3+γSO4
2−

γFe(SO4)
+

[Fe3+][SO4
2−] (43)

[HSO4
−] = KEq.(20)

γSO4
2−γH+

γHSO4
−

[SO4
2−][H+] (44)

[FeSO4] = 1

KEq.(23)
γFe2+γSO4

2− [Fe2+][SO4
2−] (45)

For the estimation of activity coefficients of involved chemical species the Davies’ formula
was adopted [46]:

−logγ = 0.509z2

[ √
I

1 + √
I

− 0.2I

]

Table 2
Operating conditions (T = 293 K, [BT]o = 1.0 × 10−2 mM) of experimental runs and statistical analysisa

Run (no.) [H2O2] (mM) [Fe(III)] (mM) pH [ClO4
−] (mM) [SO4

2−] (mM) I (mM) σ (%)

1 1.0 1.0× 10−3 2.0 30.0 – 59 14.1
2 1.0 2.0× 10−3 2.0 30.0 – 59 14.2
3 1.0 4.0× 10−3 2.0 30.0 – 59 7.4
4 2.0 2.0× 10−3 2.0 30.0 – 59 16.6
5 1.0 1.0× 10−3 2.0 – 10 46 4.3
6 1.0 2.0× 10−3 2.0 – 10 46 13.5
7 1.0 3.0× 10−3 2.0 29.9 2.0× 10−2 49 14.0
8 1.0 3.0× 10−3 2.7 29.9 2.0× 10−2 34 2.0
9 1.0 1.0× 10−3 2.7 – 10 34 11.0

10 1.0 2.0× 10−3 2.7 – 10 34 9.8
11 1.0 3.0× 10−3 2.7 – 10 34 22.0
12 2.0 1.0× 10−3 2.7 29.9 2.0× 10−2 34 23.1
13 2.0 2.0× 10−3 2.7 29.9 2.0× 10−2 34 7.0
14 2.0 3.0× 10−3 2.7 29.9 2.0× 10−2 34 15.0
15 6.0 2.0× 10−3 2.7 29.9 2.0× 10−2 34 14.4
16 15.0 2.0× 10−3 2.7 29.9 2.0× 10−2 34 9.0
17 15.0 2.0× 10−3 2.7 29.9 2.0× 10−2 34 13.0
18 1.0 3.0× 10−3 3.2 29.9 2.0× 10−2 30 35.9
19 1.0 1.0× 10−3 2.0 29.9 2.0× 10−2 49 21.5
20 1.0 2.0× 10−3 2.7 29.9 2.0× 10−2 34 5.4
21 1.0 1.0× 10−3 3.0 – 10 30 31.1
22 1.0 1.0× 10−3 2.0 10 – 39 14.8
23 1.0 1.0× 10−3 2.0 20 – 49 12.1

a I: Ionic strength;σ : standard deviation.
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By assuming the steady-state hypothesis, the mass-balance Eq. (29) for HO radicals reduces
to:

[HO]ss = 1/Vo(F + 2FH2O2) + kFeII /H2O2
[FeII ][H2O2]

kFeII /HO[FeII ] + kHO/H2O2[H2O2] + kc[S] + kHO/HSO4[HSO4
−]

(46)

and the consumption rate of the substrate can be calculated as

d[S]

dt
= −kc[S][HO]ss (47)

The use of this model requires that suitable values are available for all the parameters
included in the above equations. In Table 1, the values found in the literature or directly
measured are shown.

It is clear from this table that no data are available for quantum yields of hydrogen
peroxide at 305 and 366 nm. A simple analysis of an absorption spectrum of hydrogen
peroxide indicates that at a wavelength of 366 nm the extinction coefficient can be considered
as low as negligible with respect to those at 313 nm (2.8 × 10−1 M1 cm−1) and 305 nm
(8.7× 10−1 M−1 cm−1). This consideration allows to simplify the above-written equations
in which all the terms due to H2O2 absorption at 366 nm can be neglected.

Fig. 1. Effect of sulfate concentration on the system reactivity: predicted (solid lines) and experimental (symbols)
concentration-time profile for benzothiazole at pH= 2.7. [BT]o = 1.0 × 10−2 mM, [H2O2]T = 1.0 mM,
[Fe(III )]T = 2.0mM; (d) [SO4

2−]T = 2.0 × 10−2 mM; (j) [SO4
2−]T = 10 mM; (r) [SO4

2−]T = 10 mM,
without H2O2 and Fe(III).
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No measured values have been found in the literature for hydrogen peroxide quantum
yield at 305 nm. Chang and Young [47] reported that quantum yield for HO radical pro-
duction is approximately 1.0 mol einstein−1 in the range 254–351 nm, whereas Dainton
[44] found a quantum yield of 3.0 × 10−1 mol einstein−1 at 313 nm. In the present work
Φ

H2O2
254 = 5.0 × 10−1, Φ

H2O2
313 = 3.0 × 10−1 mol einstein−1 have been adopted and

Φ
H2O2
305 ≈ Φ

H2O2
313 (48)

has been assumed.
Since no direct determination of the irradiating power of lamp at 305 nm was available,

photolytic experiments on solutions, at pH 2.70, containing BT (1.0×10−5 M), H2O2 (1.0×

Fig. 2. Effect of hydrogen peroxide concentration on the system reactivity: predicted (solid lines) and ex-
perimental (symbols) concentration-time profile for benzothiazole at pH= 2.7. [BT]o = 1.0 × 10−2 mM,
[SO4

2−]T = 2.0 × 10−2 mM, [ClO4
−]T = 29.9 mM, [Fe(III )]T = 2.0mM. (a) [H2O2] = 2.0 mM; (b)

[H2O2] = 6.0 mM; (c) [H2O2] = 15.0 mM; (d) [H2O2] = 150.0 mM.
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10−2, 1.5×10−2 and 1.5×10−1 M), Na2SO4 (2.0×10−5 M) and KClO4 (29.9×10−3 M),
with no iron added, were performed.

The analysis of the results of these experiments (considered all as belonging to a single
set) with a reduced model [19] based on the reactions (12)–(16) and by using a proper
optimization method [48] allowed the estimation of a power lamp at 305 nm equal to 4.33×
10−7 ± 2.33× 10−8 einstein s−1 (σ% = 8.0–10.9).

3.2. Modeling photo-assisted Fenton experiments

The assumption (48) and the estimation ofI0
(305) make possible the use of the model to

predict the behavior of the system BT/H2O2/Fe(III)/UV at varying reaction conditions, all
the parameters included in the mass-balance equations being known.

Photolytic experiments on solutions containing BT, H2O2 and Fe(III) and irradiated with
the UV lamp have been performed aiming at elucidating the effect on the system reactivity
of BT, H2O2 and Fe(III) concentrations, pH and ionic strength.

Fig. 3. Effect of iron (III) concentration on the system reactivity: predicted (solid lines) and experimental (symbols)
concentration-time profile for benzothiazole (full symbols) and for hydrogen peroxide (empty symbol) at pH= 2.0.
[BT]o = 1.0 × 10−2 mM, [ClO−

4 ]T = 30.0 mM, [H2O2]T = 1.0 mM. (d, s) [Fe(III )]T = 1.0mM; (r, e)
[Fe(III )]T = 2.0mM; (j, h) [Fe(III )]T = 4.0mM; (+) no Fe(III) added.
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In Table 2, the experimental conditions for all the oxidative runs with benzothiazole
are reported. The last column of the table shows the percentage standard deviations for
benzothiazole (a statistical index of the model adequacy) calculated by using experimental
data and those data predicted by the model. All theσ values shown in the table are larger
than that found in the analytical determination of benzothiazole (1.16%), thus, indicating
the possibility of some model inadequacies. The present kinetic model relies on the implicit
assumption (reactions (1)–(16)) that the intermediates formed during the oxidation process
have a negligible effect on the rate of consumption of HO radicals. This assumption, done
to overcome the difficulties due to the lack of knowledge of the structures and reactivity of
these intermediates, could be responsible of these larger percentage standard deviations (σ )

Fig. 4. Effect of pH on the system reactivity. Predicted (solid lines) and experimental (symbols) concentration-time
profile for benzothiazole: [BT]o = 1.0 × 10−2 mM, [SO2−

4 ]T = 10.0 mM, [H2O2]T = 1.0 mM, [Fe(III )]T =
1.0mM. (a) pH= 2.0; (b) pH= 2.7; (c) pH= 3.0.
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at least for the runs at the lowest H2O2 concentrations. Runs at fixed hydrogen peroxide
and iron (III) concentration and pH indicated that ionic strength has only a small effect on
the system reactivity. In fact, at pH= 2.0, for [H2O2] = 1.0 × 10−3 M and [Fe(III )] =
1.0 × 10−6 M half-live times are respectively 26 and 23 min for ionic strength equal to
30.0 × 10−3 and 10.0 × 10−3 M, obtained by means of different addition of potassium
perchlorate (data not shown).

In Fig. 1, the results of two different runs, with sulfate concentration equal to 10× 10−3

and 2.0 × 10−5 M (runs nos. 10 and 20 in Table 2), with the same ionic strength adjusted
by adding KClO4 salt, are reported. Satisfactory agreement is observed between calculated
and experimental data.

In Figs. 2 and 3a comparison of the experimental data and those calculated by the model
at varying, respectively, hydrogen peroxide (runs nos. 13, 15–17 in Table 2) and FeIII (runs
nos. 1–3) concentrations is reported. In both cases the accuracy of the prediction changes
for some runs (see percentage standard deviations in Table 2), although no indications have
been found to explain this behavior.

In Fig. 4a comparison of experimental and calculated decay of benzothiazole concentra-
tion is reported at varying pH of the solution (runs nos. 5, 9 and 21). Satisfactory results
are obtained at pH= 2.0 and 2.7 whereas a complete failure of the model is observed at
pH equal 3.0. At pH= 3.2 (run no. 18),σ as large as 35.9 is calculated thus suggesting
that the system behavior could be regulated by other reactions, not included in the model.
Some authors [45] report at these pH values the formation of Fe(III)-hydroxy complex,
such as [Fe2(OH)2]4+, which photolyzes too. However, in these conditions iron speciation
may be hardly calculated — and the kinetics quantitatively interpreted — due to the slow
precipitation of iron (III) oxides-which delay the establishment of an equilibrium condition
between the solution and the solid phase [49].

4. Conclusion

A kinetic model has been developed to simulate the oxidation in aqueous solution of
benzothiazole with the photo-assisted Fenton system in a batch reactor. The model has
been tested with the data collected during oxidation experiments of benzothiazole in the
pH range 2.0–3.2 at varying hydrogen peroxide and iron(III) concentrations. The model
gave satisfactory results when used to predict the influence of H2O2, iron(III) and sulfate
concentration on the system reactivity. Poor results have been on the other hand partly
obtained at varying pH of the solution.

List of symbols
I ionic strength
I0 light intensity
k kinetic constant
K equilibrium constant
L reactor optical length
Vo irradiated reactor volume
z valency
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Greek letters
ε molar extinction coefficients
γ activity coefficient
λ wavelenght
σ standard deviation
Φ quantum yield

Subscripts
c substrate (benzothiazole)
ss steady state
t termination
Fe2+ uncomplexed ferryl ion
Fe3+ uncomplexed ferric ion
HO2

• hydroperoxyl radical
HO• hydroxyl radical
O2

•− superoxyl radical

Superscripts
S substrate
Fe(OH)2+ FeIII -hydroxy complex
Fe(OH2)+ FeIII -hydroxy complex
Fe(OH)(OH2)+ FeIII -hydroxy complex
H2O2 hydrogen peroxide
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