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Oxidation of Safranine T in Aqueous Solution Using Fenton’s Reagent: Involvement of an
Fe(lll) Chelate in the Catalytic Hydrogen Peroxide Oxidation of Safranine T
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This study addresses the chemistry and kinetics of oxidation of a basic dye, Safranine T (C. I. Basic Red 2)
by the classic Fenton’s reagent {Feand HO,). The kinetic study suggests that the chemistry involved in

this system differs to some extent from that reported for the classic Fenton’s chemistry in aqueous solution.
Thus, participation of an Fe(IH)organic complex in the catalytic decomposition af4, thereby producing

an active oxidant, seems to be a step in the oxidation mechanism. Stoichiometric measurements of the hydrogen
peroxide consumption per mole of #Feused, poor oxidation of dye by the combination ofFand HO,,

and the formation of a shoulder at around 385 nm suggest a possible formation and participation of an Fe-
(Il —organic complex. The oxidation data indicates that Safranine T can be most effectively oxidized at a
pH of around 3. The Fe(lll) chelate catalyzed peroxide oxidation of Safranine T follows pseudo-first-order
kinetics. The activation energy for the Fe(lll) chelate catalyzed peroxide oxidation of the dye was determined
to be 75.91 kJ mot.

Introduction

Generation of hydroxyl radicals by the Fecatalyzed
decomposition of hydrogen peroxide (known as the Fenton
reaction) in the dark has been the subject of numerous studies

during the past decade? The oxidizing species generated in

the Fenton reaction have been discussed by many investigators,

but are still controversi&ll® The participation of the hydroxyl

radical as the active oxidant is not yet universal, and doubts as

to its very existence in the system have been raideth classic
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Figure 1. Structure of Safranine T.

several researchers have offered evidence for the formation of

Fenton’s chemistry, it is generally considered that the reaction the hydroxyl radical as the principle active oxidant in the Fenton

between hydrogen peroxide andFa acidic agueous medium
(pH =3) produces hydroxyl radicals [eq 1] and can involve the
reactions, which are presented below [eg$].>1113 The rate
constants are reported at 298 K imMs™! for a second-order
reaction raté*15

FE€" +H,0,—~"OH+ OH +Fe" k=63 (1)
Fe'" + H,0,—~HO, + H" + F&€"  k,=0.002-0.01
)

FE +'OH—Fé" +0OH  k=3x10 (3)

H,O,+'OH—HOO + H,0 k,=27x10 (4)

FE" + HOO — Fe" + HOO™  k;=1.2x 10° (5)
Fe" + HOO — O, + H  + F&é"  k;<2x 10° (6)

The hypothesis of Haber and Wéisthat the Fenton reaction
involves the formation of hydroxyl radical as the actual oxidant

has been proved by many techniques, including electron
paramagnetic resonance (EPR) spin-tapping technique. Althoug

*To whom correspondence should be addressed. Phor@t-33-
24146411, Fax:+91-33-24146266. E-mail: pkmdl14@yahoo.co.in.

systemt’~2it has also been reported by otifthat this species

is not only the active oxidant but that some type of high-valent
iron-oxo species also existd®2723 Yamazaki and Pietfé
observed three types of oxidizing species (free hydroxyl radical,
bound hydroxyl radical, and high-valence iron species, which
is probably a ferryl ion, P = O) using EPR spin-trapping.
Kremep® hypothesized the formation of “FEO' in dark Fe-
(II/H 20, reactions.

This study is aimed at understanding the chemistry and
kinetics of oxidation of a basic dye, Safranine T, in agueous
solution by the Fenton’s reagent. The role of some conditions
such as pH, initial [HO,] and [F&'], and temperature were
examined in order to provide a full description of this system.
Due to the importance as an environmental pollutant, Safranine
T was selected for the study.

Materials and Methods

Safranine T was provided by Aldrich (purityy95%) and
used as received. Figure 1 displays the structure of this dye.
Ferrous sulfate and hydrogen peroxide (purity, 30%) were an

HAR grade product of E. Merck (India). The rest of the used

reagents were at least reagent grade and purchased from E.
Merck (India). Aqueous solutions used for oxidation reactions

were prepared with double distilled water.
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Figure 2. Time-dependent changes in the concentration of Safranine
T on treatment with various reagents. Inset, changes in [dye] on addition
of t-BuOH after initiation of the second stage oxidation by the Fenton’s

reagent. Experimental conditions: PR or [FE€]o = 4.46 x 1072

mM; [H20;]o = 2.71 x 10* M; pH = 3; temperature= 30 °C.

Reaction mixtures were prepared in 100 mL beakers by taking
an appropriate amount of stock dye solution followed by adding
ferrous ion and diluting with double distilled water to 25 mL,
and adjusting the pH to 3. After the adjustment of pH, the
solution was placed in a thermostated water-bath af@G0
Stirring was provided by a magnetic stirrer. The reactions were
initiated by adding hydrogen peroxide. After initiating the
reaction, the reaction mixture was taken in a spectrometric quartz
cell (1 cm path length) and the changes in the absorbance with
time were measured. The cell was kept at a temperature of 30
°C maintained by a water-bath throughout the experiment. A
Shimadzu (Japan) UVvis spectrophotometer (model 160A)
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Figure 3. Time-dependent changes in fFeduring the oxidation.
Inset, time-dependent changes in@4] during the oxidation. Experi-
mental conditions: [dyg]= 71.3x 1073 mM; [H20;]o = 2.71x 1074
M; pH = 3; temperature= 30 °C.
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peroxyl radical is largely unreactive toward organic com-
pounds®! Also, the HaberWeiss cycle (eqs 79)

H,0, + "OH— HO," + H,0 @)
HO, <0,  +H" k=3x 1¢° (8)
O, +H" +H,0,—~ 0, + "OH+ H,0 ©)

was used for absorbance measurements. The concentrations Qfqaq not constitute an effective source® radical in aqueous

the dye in the reaction mixture at different times were

determined by measuring absorbances at maximum wavelength; <32 Consequently

(Amax = 520 nm) and computing concentrations from the
calibration curve. The effect of each parameter was studied by
fixing the values of other parameters. DiluteS®, and NaOH
were used for pH adjustment.

Hydrogen peroxide was analyzed by an iodometric titration
with NaS,03 solution?é Ferrous ions were tested by the
phenanthroline method. Concerning the measurement of
ferrous and hydrogen peroxide, separate experiments wer
conducted in beakers.

Results and Discussion

Change of Concentration of Safranine T with Time.In
Figure 2, the results obtained by treating the Safranine T with
H,O, alone, Fé" alone, and Fenton’s reagent &Fet H,0O,)
are reported. The results indicate that the concentration of
Safranine T remained constant after a reaction time of 30 min
with FE2™ alone. On the other hand &, utilized alone yielded
very poor oxidation of Safranine T, although,® has an
oxidation potential of 1.77 V. In combination, however(d4
and F&" brought about a drastic reduction in the concentration
of Safranine T. Results from the experiment showed that
Safranine T was oxidized by the Fenton’s reagent rapidly in
the first minute and somewhat less rapidly after that time period.
The reason for the rapid oxidation in the first minute may be
explained by the fact that a large amount of hydroxyl radical,
which is a powerful oxidant, is generated quickly by the reaction
of H,0, and Fé&" (eq 1), making possible the swift oxidation
of Safranine T in the first minute of reaction.

Fe(lll) has lower catalytic activity than Fe(Il) and may form
a complex with the degradation intermediat&s? The hydro-

[S)

solution containing F(II)/Fe(lll) and D, under any condi-
the oxidation rate after the first minute
of reaction should be very slow due to the slow production of
Fe(ll) from Fe(lll). The detection of ferrous ions (Figure 3)
supports the lower generation of Fe(ll) from Fe(lll). Further-
more, the experiment in combination of¥eand HO, under

the same conditions shows poor bleaching of the dye (Figure
2). Thus, it may be hypothesized that the oxidation of dye in
the first minute produces some intermediate which is capable
of forming a complex with Fe(lll). This Fe(llfyorganic
complex is able to produce an active oxidant by catalyzing the
hydrogen peroxide decomposition faster than the ferric aquo-
complexes do and, thus, continues the oxidation of dye after
the first minute reaction.

To confirm the formation of Fe(lIh-organic complex, UV
vis spectra of solutions were performed. Figure 4a shows spectra
from H,O, only, dye only, a mixture of Pé and HO,, a
mixture of dye and KO,, and a mixture of F& and dye at pH
3. Figure 4b shows spectra from oxidation of the dye by the
Fenton’s reagent at different times. It can be clearly seen from
these figures that oxidation of the dye results in the formation
of a shoulder at around 285 nm. In the absence of dye under
otherwise identical conditions, the mixture of?Feand HO,
exhibits an absorption maximum at 300 nm (Figure 4a). The
shoulder at 285 nm may be ascribed to the formation of Fe-
(1l1)y —organic complex.

Addition of phosphoric acid to the solution of the Fe(#l)
organic complex (pH becomes 2.45) obtained after 30 min
oxidation results in the blue shift of the shoulder toward attaining
a Fe(lll)—phosphate nature (Figure 5). Furthermore, addition
of solid ammonium bifluoride to the solution of Fe(Hprganic
complex, whence its pH becomes 4.7, suitable for the formation
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Figure 4. (a) UV—visible spectra of the studied system in aqueous
solution. Experimental conditions: [dye} 85.5x 1072 mM; [Fe*]o

or [FE]o = 4.46 x 1072 mM; [H2O0;]o = 2.71 x 1074 M; pH = 3;
temperature= 30 °C. (b) Time-dependent changes in bBVisible
spectra of Safranine T on oxidation by the Fenton’s reagert 0, b
=1,¢c=5,d=10,e=15,f =20,g=25h=30,i = 35,j = 60
min). Experimental conditions: [dyg} 85.5x 1073 mM; [H20]o =
2.71 x 1074 M; [Fe?"])o = 4.46 x 1072 mM; pH = 3; temperature=
30°C.
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Figure 5. UV—visible spectra of the aqueous solution of Fe(Hl)
organic complex before (curve al and a2) and after additiorsB{Chi
(curve b) or NHHF; (curve c). Experimental conditions: [dyef 85.5
x 1078 mM; [H207]o = 2.71 x 107* M; [Fe?T], or [FE¥T]o = 4.46 x
1072 mM; pH = 3, otherwise mentioned; temperatue30 °C.

500

of Fe(lll)—fluoride complexe$? results in a decrease of
absorbance of the shoulder for the Fe(Hdrganic complex
(Figure 5). These results suggest the formation of an Fe(lll)
organic complex of stability lower than those of Fe(lll)-
phosphate or Fe(ll)fluoride complexes. The existence of such
Fe(lll)—organic complexes having stabilities lower than those
of the Fe(lll}-phosphate or Fe(llifluoride complexes has
been reported in the literatufé Additionally, the oxidation of

Time (min)
Figure 6. Effect of initial concentration of dye on oxidatioa € 71.3
x 1073, b=855x 1073 ¢ =99.8 x 1073 d= 114 x 10°% mM).
Inset (B), kinetics of Fe(lll) chelate catalyzed peroxide bleaching of
Safranine T monitored at 520 nm. Experimental conditions?fre=
4.46 x 1072 mM; [H20;]o = 2.71 x 10~ M; pH = 3; temperature=
30°C.

the dye by the Fenton’s reagent in the presence of phosphoric
acid under otherwise identical conditions of reaction exhibits
almost cessation of the second stage oxidation. Therefore, the
formation of the active Fe(lll-organic complex and its role in
the oxidation of Safranine T can be suggested. It has been
reported that some Fe(lHorganic chelators can catalyze the
hydrogen peroxide decomposition, thereby accelerating the
degradation of organic compoun#és?>-37

Researchers have firmly established that complexes of Fe-
(1) with organic ligands (e.g., porphyrin and pyridyl-type) may
react with peroxides or other oxidants to form a high-valent
oxoiron (ferryl) species, FeO, where iron is formally in the
+IV or +V oxidation staté®37:38and the species is capable of
oxidizing organic compounds32930To determine the nature
of the oxidant, the second stage reaction was repeated with the
addition of t-BuOH (1 mM) which is a well-known scavenger
for the hydroxyl radical or ferryl speci¢8.The results, shown
in the inset in Figure 2, bring out the cessation of the second
stage reaction. These data confirm that only the hydroxyl radical
and/or ferryl species and no other transient oxygen species are
involved in the Fe(lll) chelate catalyzed peroxide oxidation of
the dye.

It can be seen from Figure 3 (inset picture) that 1-360~*
M hydrogen peroxide is utilized at the end of the process. The
consumption ratio of hydrogen peroxide to ferrous ions is higher
than the anticipated 1:1. Experimentally, it has been found that
Safranine T hardly oxidized at all in the duration of 30 min if
only hydrogen peroxide is used. Because reaction 2 is a very
slow process, the consumption of hydrogen peroxide by the
ferric ions can be neglected. The above result can be ascribed
to the catalytic decomposition of hydrogen peroxide by the Fe-
(1) —organic complex. Cessation of the reaction after the first
minute on using the initial almost 1:1,8, and F&* concentra-
tion suggests the above mechanism. Rivas ét%lreported
the consumption of hydrogen peroxide by its catalytic decom-
position with the Fe(llI}-organic complex during the oxidation
of p-hydroxy benzoic acid using the Fenton-like system.

Experiments carried out at different initial dye 2Fend HO,
concentrations (Figures—@8) showed that a steady oxidation
rate is maintained in the second stage for the initial concentration
ratios of [Fé*]/[dye] < 1 and [HO,]/[Fe?"] > 3. When the
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Figure 7. Effect of initial concentration of KD, on oxidation of
Safranine T§=0.39x 104 b=0.68x 104 c=1.36x 104 d
=271x 104 e=5.43x 104 f=10.86x 104 g=21.72x 10

M). Inset, kinetics of Fe(lll) chelate catalyzed peroxide bleaching of
Safranine T monitored at 520 nm. Experimental conditions?/[fge=
4.46 x 1072 mM; [dye]o = 71.3 x 103 mM; pH = 3; temperature=
30°C.
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Figure 8. Effect of initial concentration of P& on oxidation of
Safranine T§ =0.89x 102 b=223x 102 c=4.46x 102 d
=6.69x 1072 e=8.93x 102 mM). Inset, kinetics of Fe(lll) chelate
catalyzed peroxide bleaching of Safranine T monitored at 520 nm.
Experimental conditions: [dye} 71.3 x 1072 mM; [H,Oz]o = 2.71
x 107 M; pH = 3; temperature= 30 °C.
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[Fe2M/[dye]o is >1 at the [HO,]o/[FE¥"]o > 3 or when the
[H20,]/[FE¥T]o is <3 at the [FéT]o/[dye]o < 1, the steady rate
of oxidation is disturbed. The reason for this result is probably
due to the contribution of oxidant produced from a different
source along with the oxidant generated by the Fefbiganic

complex. It may be hypothesized that the former is generated

by the reaction of*OH and Fé&" since the rise in P&
concentration increases the rate©@f + Fe* reaction. It has
been reported that Fe could yield oxoiron (IV) on reaction
with an oxidant like hydrogen peroxide or ozone at p#F3%

Fe" + 'OH— FeG" + H,O (10)
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Figure 9. Time-dependent changes in [dye] on increasing the
concentration of hydrogen peroxida € 2.71 x 104 b = 10.84 x
1074 ¢ = 16.26 x 107* M) at fixed [Fe']o and [dye}. Inset, time-
dependent changes in [dye] on increasing the concentration ofadye (
=713x 103 b= 1425x 1073 c = 171 x 102 mM) at fixed
[F€t]o and [HO2]o. Experimental conditions: [Pé&]p = 6.69 x 1072
mM; pH = 3; temperature= 30 °C.

80

w

60

In([dye]/[dye])

50

Time (min)
Figure 10. Effect of temperature on oxidation of Safranine T. Inset,
kinetics of Fe(lll) chelate catalyzed peroxide bleaching of Safranine T

monitored at 520 nm. Experimental conditions: [dye]71.3 x 1073
mM; [Fe*"], = 4.46 x 102 mM; [H,0,]o = 2.71x 1074 M; pH = 3.

9). Therefore, the steady concentration of an Feflbilganic
complex can be suggested during the second stage reaction at
the initial concentration ratios of [F€]/[dye] < 1 and [HO,)/
[Fe2t] > 3. Taking into account the above observations and
borrowing some mechanistic ideas from the literafldré;*’the
reaction mechanism of Fe(lll) chelate catalyzed peroxide
oxidation of Safranine T could perhaps be hypothesized as

LFe(lll) + H,0, — LFe(V)=0 (11)

< L""Fe(IV)=0 + H,0 (12)

L*"Fe(IV)=0 + dye— LFe(lll) + oxidation products (13)

With the pseudo-steady-state assumption for the Fe{@dhyanic

complex under the above initial concentration ratios, the second

The assumption of the generation of an oxidant by the reactionstage oxidation reaction, i.e., the Fe(lll) chelate catalyzed

*OH and Fé" is supported by the fact that the scavenging of
the hydroxyl radicals by using excess® under otherwise

identical conditions of reaction leads to a steady rate of oxidation

(Figure 9) Also, under otherwise identical conditions of reaction,
the decrease in [Pé€]¢/[dye], to <1 by increasing the initial
concentration of Safranine T at fixed §8,]o/[F€**]o value of

peroxide oxidation of the dye, can be described by pseudo-first-
order kinetics with respect to the dye concentration (eq 14):

In([dye]y/[dye}) = kobd (14)

wherekopsrepresents the pseudo-first-order rate constant. In this

above 3 resulted in a steady rate of oxidation (inset of Figure case, a plot of In([dye][dye];) versus time in every experiment
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TABLE 1: Pseudo-First-Order Rate Constants for the Fe(lll) Chelate Catalyzed Peroxide Oxidation of Safranine T at Different
Initial Concentrations of Dye, H,0,, and F&' and at Different Temperatures

[dye], mM Kobs Min—t [H2020 M Kobs Min~1 [Fe2tlomM Kobs Min~1 temp.°C Kobs Min~1

71.3x 103 0.137 2.72x 104 1.37 0.89x 102 0.006 20 0.035

85.5x 1073 0.128 5.43x 104 0.078 2.23x 1072 0.022 30 0.137

99.8x 1073 0.123 10.86x 104 0.055 4.46x 1072 0.137 40 0.362

114 x 1073 0.099 21.72< 1074 0.021 50 0.605
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Figure 11. Arrhenius plot for the Fe(lll) chelate catalyzed peroxide Time (min)
oxidation of Safranine T. Figure 12. Effect of pH on oxidation of Safranine T. Inset, BV

visible spectra of the aqueous solution of active Fe(lll)-organic complex
must lead to a straight line with slope ks, Insets in Figures ~ at di+ﬁerent pH. Expgrimental conditions: [d)ée”]: 71.3x 1073 mM;
6—8 and 10 show these plots for experiments in which the initial gFoejclo = 4.46x 102mM; [H20z]o = 2.71x 10°* M; temperature=
concentration of dye, ¥D,, Fe(ll), and the temperature were '
varied. As it can be observed, points lie in satisfactory straight
lines with correlation coefficients0.98. All of these results  Fe(lll)-organic complex at higher pH. This may be a reason of
support the pseudo-first-order kinetics assumed.kphe/alues decrease in the oxidation rate at pH3.
were calculated from the experimental data and are shown in  Effect of H,0, Concentration on Dye Degradation.As
Table 1. Figure 7 shows, for the initial [kD.]/[Fe?*] > 3 and initial
Effect of Temperature. Oxidation of Safranine T was carried  [Fe?*]/[dye] < 1 at pH 3 and 30C, the rate of oxidation of
out with [FE€t]¢/[dye]o < 1 and [HO,]/[FE*t]o > 3 at four Safranine T both in the first minute and after that time period
different temperatures in the range of- 280 °C. Results (Figure decreases with increase in the initial concentration of hydrogen
10) showed that the temperature exerts a strong effect on theperoxide. Increasing the @], value accelerates reaction 4
Fe(lll) chelate catalyzed peroxide oxidation of the dye. The whose effect is the consumption of the very reacti@H
oxidation rate increases with temperature due to an incrementradicals to give less reactive HQradicals. This reaction (eq
in the pseudo-first-order rate constant. The data exhibit Arrhe- 4) reduced the probability of attack of the organic molecule by
nius-type behavior with an activation energy of 75.91 kJthol  hydroxyl radicals, and caused the dye oxidation rate to8f3p
calculated from the usual lkfy9 versus 1T plot (Figure 11). in the first minute. Thus, kD, in excess becomes a scavenger
Effect of pH on Degradation of Dye. The oxidation of of hydroxyl radicals, in accordance with reaction 4. Under the
Safranine T as a function pH is shown in Figure 12. It is evident conditions of [Fé]¢/dye < 1 and [HO,]o/[FE*" ]o > 3, the
that a change in the pH of the solution to either side of the Fe(lll)—organic complex limits the rate of dye oxidation in the
value of 3 leads to a decrease in the extent of oxidation in the second stage. As the efficiency of hydroxyl radicals scavenging
second stage. This demonstrates that the pH value for the mosby hydrogen peroxide gets increased with the increase in the
effective oxidation of Safranine T is almost 3. Lu et&found latter’'s concentration, the efficiency of dye oxidation and,
that the optimum pH of dichlorvos oxidation using classic therefore, the formation of the active Fe(HHprganic complex
Fenton’s reagent is between 3 and 4. They also found that thein the first stage of reaction decreases with the increase@ H
rate of oxidation decreased when the solution pH is 2.5. The concentration. Hence, the rate of Fe(lll) chelate catalyzed
decrease in oxidation rate at pH3 could be explained based peroxide oxidation of Safranine T decreases with the increase
on the formation of Fe(OH)which has lower catalytic activity  in hydrogen peroxide concentration.

in the decomposition of p0,.2° It can be calculated that, when Effect of Fe*" Concentration on Dye Degradation.Figure

the value of pH raises beyond 3, Fe(Qldppears? leading to 8 shows how the concentration of Safranine T changes if initially
a decrease in Fe concentration and, subsequently, the oxidation different amounts of ferrous ions were added. The results
rate. To confirm the stability of the active Fe(Hbrganic indicate that the rate of oxidation is remarkably dependent on

complex at different pH, UV-vis spectra of the solution of the  the initial concentration of the Féeat fixed [HOz]o and [dye}.
complex obtained after 30 min of oxidation were performed When the initial amount of ferrous ions increased, the oxidation
after adjusting the pH to different values. It can be clearly seen rate of Safranine T increased as well both in the first and second
from the results (inset in Figure 12) that a higher pH value stages of oxidation. The reason is that as the added amount of
results in red shift and softening of the shoulder for the active ferrous ion directly influence the production of hydroxyl radical
Fe(lll)—organic complex, suggesting instability of the active a lower initial [FE€™] would cause fewerOH radicals and,



2680 J. Phys. Chem. A, Vol. 108, No. 14, 2004

hence, the Fe(llF-organic complex to take part in oxidation.
Lou and Leé&? reported that the oxidation efficiency of BTX
linearly increased with increasing Feconcentration.

Conclusion

The kinetics and mechanism of oxidation of Safranine T in

aqueous solution was studied using classic Fenton’s reagent
The oxidation of the dye in this system underwent a two-stage

reaction; the first minute of reaction occurs swiftly and then

somewhat less rapidly. In the process, the complexation of Fe-

(1) and the oxidation intermediate of the dye occurred. This
Fe(lll)—organic complex is highly active in catalytic decom-
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J. Am. Chem. So0d 988 110, 3126-3133.

(21) Groves, J. T.; Watanabe, Y. Oxygen Activation by Metallopor-
phyrins Related to Peroxidase and Cytochrome P-450. Direct Observation
of the O-0O Bond Cleavage Sted. Am. Chem. Sod 986 108 7834—
7836.
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Six-Coordinate Ferryl Protoheme by Resonance Raman and Optical

position of hydrogen peroxide to produce an oxidant capable Absorption Spectroscopy. Am. Chem. S0d987 109, 2185-2187.

of oxidizing the Safranine T. Cessation of the Fe(lll) chelate
catalyzed peroxide oxidation of the dye on using t-BuOH
suggests the generation tdH and/or ferryl species as the
oxidant by the Fe(lll}-organic complex. The Fe(lll) chelate
catalyzed peroxide oxidation of Safranine T follows pseudo-
first-order rate dependence on dye concentration.
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