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Kinetic Study of Catalytic Oxidation of Sodium Dodecylsulphate by Fenton’s Reagent
in Aqueous Solution. 
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Abstract: This work describes the application of Fenton’s reagent (H2O2/Fe2+) to the kinetic study of
the degradation of anionic surfactants. The surfactant considered here is the anionic sodium
dodecylsulphate (SDS), largely used in many industrial applications and particularly in formulations
of detergents and cosmetics. Two series of experiments was achieved in the solutions at pH 3, with
ferrous sulphate and at ambient temperature (about 35°C) during 120 minutes of time of reaction. An
initial SDS concentration of 3.47x10-5 mol.L-1 (or 10 mg.L-1) was selected. The evolution of oxidation
reactions permitted to follow the effect of initial H2O2 concentrations on the disappearance of SDS
in the treated solution. A detailed kinetics study of the anionic surfactant degradation was achieved,
following which a kinetic model of 5/3 order was proposed (based on 1 order for SDS and 2/3 for
Fenton's reagent).

Key words: sodium dodecylsulfate, anionic surfactant, Fenton's reagent, oxidation catalytic kinetic
study.

INTRODUCTION

Surfactants are molecules with specific properties (detergent, wetting, solubilizing) due to their amphiphilic
structure. These are used in many industrial applications and particularly in formulations of detergents and
cosmetics (Nardello-Rataj, V. and L. Ho Tan Tai, 2005). After use, the anionic surfactants are likely to meet
in the environment via industrial effluents (Ding, W.H., 1999; Cioba, G.A., 2000; Moulaï-Mostafa, N. and M.
Tir, 2002). The principles of active molecules consist of two distinct parts, one which includes linear or
branched hydrocarbon chains hydrophobic, and the other is constituted of terminal or lateral polar groups
hydrophilic (Ravalason, H. and O. Laczka, 2003; Ying, G.G., 2006). These compounds are not easily
biodegradable (Elsgaard, L., 2003; Li, H.Q., 2000), even by the biological or physicochemical conventional
processes (Scott, M.J. and M.N. Jones, 2000; Scholz, W. and W. Fuchs, 2000). 

Advanced oxidation processes (AOP) as Fenton process (H2O2/Fe2+) not only degrade a large number of
complex organic compounds and refractory to biodegradation, but also to decompose them into final products
H2O and CO2. This process is very promising in wastewaters treatment. Efficiency of this process often results
from the in situ generation of very reactive radical species like hydroxyl radical OHŸ (Gallard, H., 1999;
Buxton, G.V., 1988; Metelitsa, D.I., 1971). 

The predominant reaction mechanisms during the oxidation of organic compounds by Fenton's reagent (a
mixture of hydrogen peroxide and ferrous salt), at acid pH and ambient temperature, are simplified in the
following way (Walling, C. and R.A. Johnson, 1975; Kang, N., 2002; De Laat, J., 2004): 

- Formation of hydroxyl radical: activation by transition metals: 

         (R1)2 3
2 2Fe H O Fe OH OH� � � �� � � �

 (R2)2 2 2 2OH H O H O HO
�� � � �

- Oxidizing activity of hydroxyl radical on the organic compounds:
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(R3)( )R OH R OH hydroxylated products� �� � �

(R4)2 ( )RH OH R H O ou HR OH� � �� � � �

(elimination of H•)  (addition of OH•)

- Regeneration of hydroxyl radical by organic radicals:

 (R5)2 2R H O ROH OH� �� � �

- Regeneration of metal species:

 (R6)3 2
2 2 2 2 3Fe H O H O Fe HO H O

�� � �� � � � �

- Decomposition parasite of hydroxyl radical: formation of inactive molecular oxygen:

 (R7)2 22 1/ 2OH O H O� � �

Oxidation of anionic surfactants (sodium dodecylsulphate, alkylbenzene sulfonates and linear alkylbenzene
sulfonate) by Fenton’s reagent in aqueous solution was the subject of many studies (Sheng, H.L., 1998;
Horváth, O. and R. Huszán, 2003; Bandala, E.R., 2008; Wang, X.J., 2008), in which the efficiency of Fenton
system established. However, a second-order kinetic model was adopted to represent the Fenton oxidation of
surfactant, of which partial order 1 in relation to the surfactant.

Two series of experiments on sodium dodecylsulfate including was achieved, in this work, one in the
stoichiometric proportions of reagents ([H2O2]0 = [SDS]0 = [Fe2+]0) and, the other with a large excess of oxidant
relative to the substrate ([H2O2]0 = 100[SDS]0 = 2[Fe2+]0). The results obtained from experiments have been
used to value the effect of the hydrogen peroxide concentration on the degradation of SDS, and to consider
the orders partial of the various components (SDS, H2O2 and Fe2+) from the reaction. 

MATERIEL AND METHODS

2.1 Preparation of Aqueous Solutions: 
The solutions of sodium dodecylsulphate (C12H25SO4Na, M = 288.38 mol.L-1, CAS 151-21-3, Fluka) were

prepared by dissolution of an appropriate mass of SDS with distilled water previously acidified adding
sulphuric acid to pH 3±0.2. For solutions of iron(II), a heptahydraté ferrous sulphate mass necessary (FeSO4,
7H2O, Merck) was weighed and dissolved with distilled water at pH 3±0.2. As for the solution of hydrogen
peroxide, it was prepared in a graduated flask by dilution of an adequate volume of H2O2 to 30% (m/m,
Scharlau) with distilled water not acidified, then decanted in an amber bottle. This diluted solution was
prepared just before use. 

2.2 Procedure:
The experiments were achieved in a reactor opaque to light and the ambient temperature (35°C). In a

graduated flask of 250 ml, we prepared a solution of sodium dodecylsulphate (SDS) to 3.47x10-5 mol.L-1 (or
10 mg.L-1), from an initial concentration of 2x10-3 mol.L-1. SDS aqueous solution is transvased in the reactor
of 500 ml; which is then stirred and a ferrous iron solution is added to the reactional medium. After agitation
to 400 tr/min, aliquot of 25 ml of the mixture is taken without addition of hydrogen peroxide solution. This
sample corresponds to the initial concentration at initial time to. With the remainder of the reaction medium,
a known volume of H2O2 injected. Hydrogen peroxide is introduced in excess compared to the SDS ([H2O2]0
= 100[SDS]0 = 2[Fe2+]0, experiment 1) or reagents are in stoichiometric quantities, ([H2O2]0  = [SDS]0 =
[Fe2+]0, experiment 2). To monitor the progress of the reaction, 25 mL of the reactional solution were sampled
at various times t (1, 5, 15, 30, 45, 60, 75, 90, 105 and 120 min). Each sample was neutralized with 0.5 ml
of NaOH concentration 5x10-2 mol.L-1 and undergoes a chemical hardening to stop at this sample the reaction
of oxidation by free radicals. In the reaction medium, stock solutions of iron and hydrogen peroxide were
introduced in a single addition at the beginning of the reaction. The duration of each series of experiments was
fixed at 120 minutes. At the end of the experiment, all the samples are brought back to the ambient
temperature and analysed.
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2.3 Method of Analysis: 
For the extraction of sodium dodecylsulphate, alkaline solutions of chloroform and methylene blue (CHCl3,

J.T.Baker) stabilized with 0.75% ethanol were added to each sample. After extraction of the organic phase,
the absorbance of the solution is then measured to 650 nm with the spectrophotometer HACH DR/2010
(AFNOR (1994) - standard NF T 90-039). 

RESULTS AND DISCUSSION

3.1 Effect of Initial Dose of H2O2 on SDS Removal:
Hydrogen peroxide acts as an oxidant in Fenton process. The effect of initial concentration H2O2 on the

degradation of sodium dodecylsulphate (SDS) is shown in Fig. 1. 
In the first series of experiments, for which hydrogen peroxide is in great excess of sodium

dodecylsulphate ([H2O2]0 = 100[SDS]0 = 2[Fe2+]0), degradation of SDS is significant, with a fitting repeatability
rates of degradation. The evolution of residual SDS in course of the reaction time shows two steps in
degradation process (Fig. 1a), a very fast decrease, followed by a less pronounced decrease. The fast step of
degradation is perceptible in the first minute during which the concentration of SDS passed from 3.47x10-5 to
3.11x10-6 mol.L-1, which corresponds to a disappearance from approximately 91%. The first step of oxidation
explain on the one hand that reactional species are generated by the reaction of H2O2 with Fe2+; and on the
other free radicals OHŸ would be sufficiently available to increase its probability of meeting with SDS
molecules and to start oxidation (Gallard, H., 1998). From the first minute of oxidation, residual SDS low
slowly to 8.92x10-7 mol.L -1 (approximately 97.2% SDS removed). The second step of oxidation of SDS is the
period in which all Fe2+ ions would be consumed by Fenton reaction (reaction R1) (Gallard, H., 1999). This
conditions the rate of degradation, which depends, on one hand, regeneration of Fe2+ by reduction of Fe3+ by
H2O2 (reaction R6) and, secondly, the ability of intermediate products formed to regenerate the ferrous ion
(reactions R3 and R4). 

In the second series of experiments, for which reagents H2O2 and SDS are in equal stoichiometric
proportions ([H2O2] = [SDS]0 = [Fe2+]0), showed that the disappearance of SDS proceeds apparently in only
one step.

Fig. 1: Effect of H2O2 dose on SDS removal. 

Conditions : [SDS]0 = 3.47x10-5 mol.L-1, T = 35°C, pH = 3 ±0.2 ; (a) [H2O2]0 = 100[SDS]0 = 2[Fe2+]0  et 
          (b) [H2O2]0 = [SDS]0 = [Fe2+]0 

During 120 minutes, degradation of SDS is slowed and, at the end of treatment, only 8.3% of SDS are
removed (Fig. 1b). Wrong repeatability rates of degradation were observed under these conditions, with
measured values higher than initial concentration of SDS per moment. This can be imputed to, firstly, the
difficulties of effectively titrate the concentrations of surfactant in stoichiometric proportions of the reagents
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and, secondly, the experimental errors (Moulaï-Mostafa, N. and M. Tir, 2002). Moreover, it is possible that
hydroxyl radicals generated in solution are not sufficient, and the degradation of SDS was inhibited by
competition at the beginning of reaction between SDS, reagents (Fe2+, Fe3+, H2O2) and oxidized products over
against hydroxyl radicals. Indeed, competition between the reagents themselves can reduce the initial rate of
oxidation but does not limit the performance of oxidation. 

3.2. Partial Reaction Order (p) for the SDS Oxidation by Fenton’s Reagent:
In this study, we think of establishing the kinetic law being able to describe the degradation of sodium

dodecylsulphate (SDS) observed previously. With this intention, it is necessary to determine the partial reaction
order for the SDS oxidation by Fenton’s reagent. The method of integration was used. Then, it was supposed
that the reaction is of partial order 1/2, 1 or 2 compared to sodium dodecylsulphate. For each reaction
assumed, theory and experimental data were confronted in order to identify the fit kinetic law to description
of kinetic reality. 

In the series of experiments, for which H2O2 was in large excess compared to SDS ([H2O2]0/[SDS]0=100),
Ferrous ions pass for a catalysts and the initial pH value was constant. Thus, in the simple mechanism, the
degradation of SDS by Fenton’s reagent is a reaction schematized by the following equation: 

                         Oxidized products  (R 8)2 2S H ODS � �
to to:  [SDS]o       [H2O2]o 0
to t :  [SDS]         [H2O2] x
where [SDS]0 and [H2O2]0 are the initial concentrations respectively sodium dodecylsulphate and hydrogen
peroxide, and [SDS] and [H2O2] concentrations at time t, with : 

[H2O2] = [H2O2]o-{[SDS]o-[SDS]}.       (Eq.1)

By supposing that it is a simple reaction in which H2O2 and SDS are the only reagents, the degradation rate
of SDS can be expressed by the following equation: 

 (Eq.2)
� � � � 2 2

SDS
. SDS .[H O ]p qd

v k
dt

� � �

In this expression, k is the rate constant dependant only on the temperature, p and q are the partial orders
respectively of SDS and H2O2, the sum n = p + q is the overall order of reaction. 
From the equations Eq.1 and Eq.2, a rate of reaction can be deduced: 

(Eq.3)
� � � � � � � � � �	

 	2 2

SDS
. SDS . H O SDS SDS

qp

o o

d
k

dt
� � � �

Global reaction order n (p+q) would be obtained by playing of the initial concentrations of reagents Fe2+

and H2O2. However, the partial order can be obtained from method of reaction order degeneration. 
If dose of H2O2 is in large excess compared to SDS, H2O2 concentration is practically constant during the

experiment: [H2O2] = [H2O2]0, and equation Eq.2 leads to: 

 (Eq.4)� �'. SDS pv k�

in which                                       represents the pseudo-constant rate. 2 2 2 2' [ ] [ ]q q
ok k H O k H O� �

There is degeneration of reaction order and reaction order p+q thus becomes reaction pseudo-order p. The
value of pseudo-order p was establish from the method of integration by supposing successively p = 1/2, 1
and 2. 
Consequently, for p-th order kinetic reaction: 

  (Eq.5)
� � � �SDS

'. SDS pd
v k

dt
� � �
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is obtained after integration, for each value of p given, a kinetic law which will be in linear form to allow the
careful representation of experimental data. 

Fig. 2: Kinetic of SDS oxidation in the case of a hypothesis of pseudo-order 1/2 reaction, for [H2O2]0=
100[SDS]0 = 2[Fe2+]0.

Fig. 3: Kinetic of SDS oxidation in the case of a hypothesis of pseudo-order 1 reaction, for [H2O2]0=
100[SDS]0 = 2[Fe2+]0.
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Fig. 4: Kinetic of SDS oxidation in the case of a hypothesis of pseudo-order 2 reaction, for [H2O2]0=
100[SDS]0 = 2[Fe2+]0.

Then, for: 

p = 1/2:  (Eq.6)� � � �1/ 2 1/ 2 '
1/ 2

1SDS SDS .
2o

k t� �

p = 1:  (Eq.7)'
1ln[ ] ln[ ] .oSDS SDS k t� �

p = 2 :  (Eq.8)
� � � �

'
2

1 1 .
SDS SDS

o

k t� �

The main experimental results are reported in Table 1 and displayed in Fig. 2 to 4. The plots of this
figures show the kinetics of SDS oxidation by Fenton’s reagent for the first experiments, in which H2O2 dose
is in large excess ([H2O2]0/[SDS]0=100). As shown in Fig. 2 to 4, the lines were plotted for the second step
of oxidation process (1 to 120 min), i.e. the slow step; the very fast reaction in the first minute of the
treatment gives insufficient experimental data to establish the kinetics of Fenton process during the first time
of SDS oxidation process. 

The correlation coefficients values deduced from Fig. 2 to 4 are 0.9758, 0.9932 and 0.9796 respectively
corresponding to orders 1/2, 1 and 2. The appropriate order kinetic to describe the oxidation process of SDS
corresponds to the highest value of correlation coefficient R2. Under this circumstance, it can be noted easily
that reaction of pseudo-order 1 in Fig. 3 shows the highest correlation coefficient. Then, in this case of SDS
oxidation by Fenton’s reagent in large excess the first-order reaction  kinetic  is proved and the pseudo-first 

order rate constant is                                            ; which corresponds to a half-reaction time of ' 2 1
1 1 2 2[ ] 1.0 10 minq

ok k H O � �� � �

69.3 min. These results are in concord with work of Sheng et al. (1998) indicating that the reaction is of first-
order compared to sodium dodecylsulphate. 

3.3. Expression of Overall Kinetic of SDS Oxidation by Fenton’s Reagent:
The method of Fenton oxidation is based on the following reaction pathway: 
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       (step 1)12 3
2 2

kH O Fe OH OH Fe� � � �� ��� � �

      (step 2)2 PoxkSDS OH �� ���

 (reaction balance)2 3
2 2 PoxSDS H O Fe OH Fe� � �� � ��� � �

where Pox corresponds to the oxidation products of SDS. 
The rate of this oxidation process can be expressed by the following equation: 

 (Eq.9)2
2 2

[ ] [ ] [ ] [ ]p q rd SDSv k SDS H O Fe
dt

� �� � �� �
� �

The experiments oxidation of SDS were achieved in the presence of a large excess of reagents (H2O2 and
Fe2+). Under these conditions, the expression of reaction rate (Eq.9) is: 

       (Eq.10)
[ ] '[ ]pd SDSv k SDS

dt
 �� � �� �
� �

where                                2
2 2' [ ] [ ]q rk k H O Fe ��

Table 1: Pseudo-constants rate (k') and half-reaction time (t1/2) of SDS oxidation by Fenton’s reagent for molar ratio [H2O2]0/[SDS]0 =
100. 

Exp. [SDS]0(mol.L-1) [Fe2+]0(mol.L-1) [H2O2]0/[SDS]0 �t (min) Order reaction R2 k’ t 1/2 (min)
1 3.47x10-5 1.74x10-3 100 1-120 p = ½ 0.9758 1.2x10-5 86.1

p = 1 0.9932 1.0x10-2 69.3
p = 2 0.9796 6.2x103 51.8

Note: Exp. =experiment, �t = variation of reaction time

Fig. 5: Effect of [H2O2]0 on the kinetic of pseudo-first order at ambient temperature with [Fe2+]O=1.74x10-3

mol.L-1 and [SDS]0=3.47x10-5 mol.L-1, pH=3±0.2. 
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Fig. 6: Effect of [Fe2+]0 on the kinetic of pseudo-first order at ambient temperature, with [H2O2]0=3.47x10-3

mol.L-1 and [SDS]0=3.47x10-5 mol.L-1, pH 3±0.2.

Fig. 7: Logarithm of rate constants vs. logarithm of [H2O2]0 with [Fe2+]0=1.74x10-3 mol.L-1 (a) and [Fe2+]0 with
[H2O2]0=3.47x10-3 mol.L-1 (b) pH 3±0.2. 

In this work, it was showed in the case of method of order reaction degeneration (3.2) that the partial
reaction order compared to SDS is p = 1.
Consequently, the expression Eq.10 leads to: 

    (Eq.11)
[ ] '[ ]d SDSv k SDS

dt
 �� � �� �
� �

the equation of which is integrated to the rate law first: 

    (Eq.12)0ln[ ] ln[ ] 'SDS SDS k t� �
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in which [SDS]0 is  the initial sodium dodecylsulphate concentration. 
According to the above equation, the plots of ln[SDS] vs. time t (Fig. 5 and 6), where [Fe+2]0 and [H2O2]0

are in large excess, yield straight lines with slope k' and correlation coefficients very close to 1
(0.9879�R2�0.9956). Fig. 5 and 6 confirm that, under these experimental conditions, the SDS oxidation by
Fenton’s reagent is a first order reaction of first order compared to surfactant (SDS). 

The rate constants deduced from Fig. 5 and 6 are plotted against the initial concentrations of Fe2+ and
H2O2 in Fig. 7 (a) and (b).

Further to examination of Fig. 7 (a) and (b), it is possible to establish a correlation between the rate
constants and initial concentrations of Fe2+ and H2O2 based on the equation Eq.9 (Sheng, H.L., 1998): 

     (Eq.13)2
2 2' .[ ] [ ]q r

o ok k H O Fe ��

in which k is the rate constant; [H2O2]0 and [Fe2+]0 are the initial concentrations, and q and r the initial partial
orders of reagents H2O2 and Fe2+, respectively. 

The two partial orders, q and r, calculated from the rate constants of SDS degradation depend on the
initial concentrations of reagents. The values obtained q = 0.289 and r = 0.352 are much lower than 1 and
differ from a reagent with another. 

In consideration of values of q and r determined, the expression Eq.13 becomes: 

    (Eq.14)0.289 2 0.352
2 2' [ ] [ ]o ok k H O Fe �� � �

3.4. Verification of order n = 1.641 known:
When the reagents are in stoichiometric amounts,                                      , the rate equation� � � � 2

2 2 00 0
H O SDS [ ]Fe �� �

Eq.9 can be rewritten in the form: 

    (Eq.15)
� � � � � �SDS

. SDS SDSp q r nd
k k

dt
� �� � �

The integration of equation Eq.15, for nth order reaction kinetic, leads to following expression: 

    (Eq.16)1 1
0

1 1 1
1 [ ] [ ]n n k

n SDS SDS� �

� �
� �� �� � �

    (Eq.17)1 1
0

1 1 ( 1)
[ ] [ ]n n n kt
SDS SDS� �� � �

The plot of 1/[SDS ]n-1 against t makes it possible to check the coherence of our results obtained into 3.2
and 3.3:

 2
2 2

[ ] [ ] [ ] [ ] [ ]p q r nd SDSv k SDS H O Fe k SDS
dt

��� � �

with : p=1 ; q= 0.289 ; r = 0.352 ; n = 1.641.
To confirm this kinetic law, a series of experiments was achieved at 35°C in which reagents (SDS, H2O2 and
Fe2+) are in stoichiometric amounts (equimolar).
The plot of SDS removed during oxidation, in theses conditions, is represented against time in Fig. 1. 
Fig. 8 shows an excellent linear representation of the points experimental by the function: 

 , 1

1 ( )
[ ]n f t
SDS � �

with an excellent correlation coefficient R2 = 0.9632 and a slope (n-1)k = 0.2869; which gives a rate constant: 
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 0.641 0.641 10.2869 0.4475mol . .min
(1.641 1)

k L� �� �
�

According to the preceding, the degradation reaction of SDS by Fenton’s reagent (H2O2/Fe2+) can be
described by a kinetic law of order n = 1.641, approximately equal to 5/3 (order 1 for SDS, order 0.289 for
H2O2 and order 0.352 for Fe2+).

Fig. 8: Kinetics of SDS degradation for a 1.641 order reaction.

3.5. Energy of Activation Ea:
The rate constant k, in equation Eq.14, is related to the working temperature by the Arrhenius empirical

formula: 

   (Eq.18)exp AEk A
RT

 �� �� �
� �

where A is the frequency factor, EA the energy of activation of reaction (J.mol-1), T the temperature (K) and
R the universal constant of gas (8.314 J.mol-1K-1). 

The rate constants k were deduced from the rate pseudo-constants k’ (table 2). 
Fig. 9 shows the Arrhenius plot of the rate constant of SDS oxidation by Fenton’s reagent. Director

coefficient obtained (-EA/R) from the straight line, value of energy of activation EA = 32.396 kJ.mol-1

calculated. This value of EA is considered much higher than the results of Sheng et al. (Sheng, H.L., 1998),
which found energies of activation of 10.62 kJ.mol-1 and 8.081 kJ.mol-1 for the oxidation of alkylbenzene
sulphonate (ABS) and linear alkylbenzene sulphonate (LAS), respectively. This appears normal in view of the
difference between molecular structures surfactants studied each containing 12 carbon atoms.

Indeed, unlike sodium dodecylsulphate (SDS) which has a linear carbon chain, alkylbenzenes sulphonates
(ABS) and linear alkylbenzenes sulphonates (LAS) each have an aromatic nucleus.

Combination of equations Eq.14 and Eq.18, and along with the frequency factor A = 1.42x105 and energy
of activation derived from Fig. 9, the expression of rate pseudo-constant yields: 

    (Eq.19)5 0.289 2 0.352
2 2

32396' 1,42 10 .exp [ ] [ ]o ok H O Fe
RT

�� �� � � �� �
� �

Thus, the oxidation reaction of SDS by Fenton’s reagent (H2O2 + Fe2+) can be expressed by: 
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    (Eq.20)0.289 2 0.352
2 2

[ ] .[ ] .[ ] .[ ]o o
d SDS k H O Fe SDS

dt
�� �

which clearly indicates that the reaction considered here is very close to a 5/3 order overall. 

Table 2: Determination of rate constants at various temperatures 
T (K) k'(10-3) [H2O2]0 [Fe2+]0 k
303 7.6 3.47x10-3 1.74x10-3 0.37
308 10.0 3.47x10-3 1.74x10-3 0.48
313 11.2 3.47x10-3 1.74x10-3 0.54
318 14.3 3.47x10-3 1.74x10-3 0.69

Fig. 9: The Arrhenius plot of the rate constant for SDS oxidation by Fenton’s reagent.

Conclusion:
The kinetic study of the sodium dodecylsulphate (SDS) oxidation by Fenton’s reagent (H2O2/Fe2+) in acidic

(pH = 3) was achieved using a molecular absorption spectrophotometer (DR/2010) at ambient temperature
(approximately 35°C). This reaction was followed by measuring the concentration of SDS in the reactional
medium according to time. In the presence of a large excess of Fenton’s reagent (method of reaction order
degeneration), partial order p = 1 compared to the SDS was determined by the differential method. While,
playing the initial concentrations of SDS and one of Fenton’s reagents (H2O2 or Fe2+), other partial orders
respectively compared to H2O2 (q = 0.289) and Fe2+ (r = 0.352) were deduced from the plots of lnk' vs.
ln[H2O2]0 or ln[Fe2+]0. 

Thus, the results of this study indicate that the SDS degradation by Fenton’s reagent follows an overall
kinetic of n = 1.641 � 5/3 order reaction. In order to check the coherence of our results, experiments were
carried out with equimolar concentrations of reagents (SDS, H2O2 and Fe2+). The linear form of function
1/[SDS ]0,641 = f(t) enabled to confirm the overall order obtained by the method of reaction order degeneration. 
The graphical representation of lnk on the basis of 1/T allowed the calculation of the parameters of Arrhenius,
the energy of activation (EA = 32396 J.mol-1) and frequency factor (A = 1.42x105 mol-2/3 L2/3 min -1) comparable
to literature data on similar organic compounds. 

We plan to extend our investigations to other anionic surfactants, especially those which have been studies
(alkylbenzene sulphonate, ABS, and linear alkylbenzene sulphonate, LAS). That will not only enable us to
widen our sphere of activity, but also to have a base of objective comparison between our work and those of
the literature. 
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