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Environmental contamination in groundwater involving a
variety of nonbiodegradable toxic xylidines from industrial
or military effluents is a matter of growing concern.
Besides the traditional nondestructive treating methods to
remove these substances in water bodies, the application
of advanced oxidation technologies such as Fenton
photoassisted reactions seems a suitable way to remove
and mineralize these contaminants and is the aim of the
present study. Primary photochemical reactions in the
water solutions of ferric chloride complexes in the absence
and in the presence of H,0, were examined by laser
photolysis (4 = 347 nm) using xylidine (2,4-dimethylaniline,
XYL) as probe molecule. The Cly*~ radicals are formed
as a result of the reaction of CI* atoms and OH* radicals
produced during the photodissociation of ferric chloride and
ferric hydroxy complexes in the presence of Cl~ anion.
The oxidation of xylidine by CI* or Cl,*~ lead to the formation
of the XYL* radical—cation [CgHgNH,]**, having an
absorption maximum at A = 420 nm which was unambiguously
identified by pulsed laser spectroscopy. The decay of
XYL radicals in solution takes place within 2 ms in a second-
order reaction with 2k = 10° (M s)~L In solutions
containing XYL/H,0,/FeCls, increasing the oxidant concentra-
tion increased the amount of XYL*, indicating that the
H,0, competes with the CI~ and XYL for the available CI*
in solution. This was not the case of the anion—radical Cl,*~.
To decide if the radical Cly*~ or CIOH*~ prevails after
photoexcitation of ferric chloride solutions, a reaction
scheme was considered for the formation of the radicals
at acidic pH through simultaneous differential equations. The
reaction sequence could be kinetically modeled on the
basis of laser spectroscopic measurements. The rate
constant of Cl,*~ with XYL was found (3.7 &= 0.3) x 107 (M
s)~L ClI* atoms oxidize XYL in the reaction with a constant
(4.0 £2.0) x 101° (M s)~L. The CI* atoms react with H,0, with
(1.8 £ 0.7) x 10 (M s)~L. The reaction of CI* atoms

with H,0, explains the decrease observed for XYL** and
Cly*~ radicals in solution with increasing H,0, concentration.
The latter rate constant was observed to be about 5
orders of magnitude higher than the rate constant for the
reaction k(Cl,*~ + H,0, — 2CI~ + HT + HOy) = (9.0 +
04) x 104 (M s)™L,

Introduction

Methylanilines (xylidines), which are nonbiodegradable
materials that are expensive to treat by nondestructive
techniques such as adsorption on activated carbon, are used
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in a variety of industrial processes in the chemical industry
(1—3). Thedisposal of fuel rockets (samine) in military bases,
active or not, has led in recent years to groundwater
contamination by di- and trimethylanilines (1, 2). During
the course of this study we intend to elucidate the primary
and secondary reactions during the photoassisted Fenton
degradation of 2,4-dimethylaniline or XYL.

Until now the prevailing general view was that the photo-
Fenton reaction (4, 5) was synonymous with the photoge-
neration of OH* radicals and Fe(ll) ions. But recently,
photolysis of ferric hydroxy complexes (6—8) as well as the
photolysis of ferric organic complexes Fe'"RCOOH, Fe'"'ROH
forming Fe(ll), and organic radicals has been reported (9,
10). Insitu production of hydroxy radical OH* from Fe"!/Fe"
and H,O; has been reported in dark reactions (11, 12).

Ferric chloride is often used in Fenton catalysis (12).
FeCI?* and FeCl,~ complexes in solution act as chromophores
because they have absorption bands at 1 < 400 nm with
maximum close to 4 = 340 nm (13, 14). Two different
mechanisms have been suggested in the literature for the
photodissociation of ferric chloride complexes: (a) The
photolysis of complexes with CI* atom formation in the
presence of organics leading to the chlorination of organic
compounds under steady-state illumination (15—-17), and
(b) the formation of CI* atom due to ferric chloride photo-
dissociation but not leading to chlorinated compounds
because the CI* yield is negligible (18—20). The photochem-
istry of ferric chloride complexes is also important in seawater
(21). The mechanistic role of ferric chloride complexes in
the photoassisted Fenton catalysis has not been reported in
detail until now.

This work is designed to provide detailed kinetic data for
the photochemistry of iron(l11) with CI~ anion solutions for
a better understanding the redox cycling of iron(l11)—iron-
(1) in relation to the photo-Fenton-induced degradation of
XYL. Some of the intermediates produced during the
photolysis and radiolysis of anilines and xylidines have been
reported (22—24).

Experimental Section
Materials. FeCl;-6H,0, Fe(ClO4)39H,0, Fe,(SO4)s (aq), LiC-
104, 2—4 dimethylaniline (XYL), and H,O, were Fluka p.a.
and used as received. The solution pH was adjusted with
HCIO,4 or H,SO,4. In the most experiments the acid corre-
sponding to the counterion in the iron salt was used.
Laser Photolysis and Spectrophotometric Observations.
Laser photolysis was carried out by using the second
harmonic (1 = 347 nm) of a JK-2000 ruby laser operated in
the Q-switched mode. The pulse width was about 15 ns,
and the highest energy per pulse was ~18 mJ. During the
studies the laser pulse energy was monitored and the
experimental results normalized accordingly. The meanarea
of the laser beam was 0.5 cm?. The detection of the transient
absorption changes was performed via an EGG photomul-
tiplier with a rise time of about 5 ns. A detailed account for
the laser system has been previously reported (10). The
preamplifier full bandwidth at 125 MHz was used to register
the signals in the nanoseconds up to 2 ms. At longer times
the bandwidth was narrowed to 5 MHz. All solutions were
used only once to avoid accumulation of the irradiated
products. The prevention of the decomposition of XYL was
affected in two ways: (a) the solutions were stored in the
dark before use and (b) the Xe light beam used for the
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FIGURE 1. Transient absorption spectra of ferric chloride excited
complexes as a function of 4. pH = 0.12; [NaCl] = 2 M; [Fe(CIOx)s]
= 0.86 mM.

detection of the intermediates was narrowed by Schott SKF
pass bandfilters. These filters allowed light to come through
in a region of A1 = 20 nm and were centered at the 4 of
interest. All experiments were performed in 1-cm quartz
cells in aerated solutions at room temperature. Analysis for
the absorbance in solutions was carried out by means of a
Hewlett-Packard 8452 diode array. The decomposition of
the XYL was observed to be negligible when the Fenton
reagent was added immediately before taking the spectra.

Results and Discussions

i. Laser Spectroscopy of Fe3* lons in the Presence of CI-
lons in Solution. Figure 1 shows the transient absorption
spectra at different times after the laser pulse on Fe3* excited
complex species in the presence of Cl~ ions in an aqueous
solution. Similar transient absorption spectrawere observed
for the solution (Figure 1) at different pH values up to a value
of pH 2. If iron sulfate was used as a source of Fe" ions in
the presence chloride ions at pH < 2 or FeCls is used as CI~
source, the transient absorption spectra was seen to be close
to the results reported in Figure 1. The main feature of this
spectra is the strong absorption band increasing up to 4 <
450 nm. The spectra of the intermediates shown in Figure
1 suggest a peak at A = 340 nm for the Cl;*~ radical—anion
(37, 42). In Figure 1 the peak for this radical—anion is seen
to decay at 100 ns after the pulse and continue up to 5 us.

For Fe(ClO,)s, FeCls, or iron sulfate solutions, the transient
absorption spectra as a function of 1 were seen to be
independent of the concentration of the salt used and the
solution pH up to pH 2.0.

Figure 2 shows the transient absorption spectra for an
FeCl; solution up to the millisecond timeframe. The
absorption band up to 2 ms follows the pattern observed for
the transient absorption in the microsecond time domain
(Figure 1). The inset in Figure 2 shows that bleaching of the
transient absorption spectra occurs at A < 380 nm after ~0.3
ms and extending beyond 3.5 ms. This photobleachingsignal
is due to the formation of Fe(ll) species absorbing less than
in the ground state at 4 = 380 nm. Due to the make up of
the solution used in Figure 2 the long-lived transient signal
isascribed to photoinduced charge separation in agreement
with observations by flash photolysis on FeCl; carried out
with longer period of light excitation (25).

Figure 3a shows the transients after the laser pulse at 1
= 360 nm on a solution of iron perchlorate in the presence
of different concentrations of NaCl at pH = 0.8. The ionic
strength was adjusted to a value of 2.0 with LiClO,. The
transient amplitude is seen to be negligible at zero chloride
ion concentration and increases as the NaCl concentration
goes up. Figure 3b illustrates the spectrophotometric
observations for the same solution. Increasing the NacCl
concentration (Figure 3b) had the effect of increasing the
absorption at A = 347 nm. From the similar changes in the
transient amplitudes and in the amplitudes of the spectral
observations in Figure 3a,b as the concentration of NaCl
increases, it is possible to suggest ferric chloride complexes
as the photoactive chromophores occurring after the laser
pulse.

Figure 4 shows the results for asolution of iron perchlorate
after the laser pulse at 4 = 360 nm when the NaCl
concentration is varied between 0 and 2 M at pH = 2.8. At
this pH value a higher concentration of Fe—hydroxy com-
plexes than in the previous experiment (pH < 1.5) is expected.
Fe—hydroxy complexes have been reported to photodisso-
ciate under light with a formation of OH* radicals (6—8, 31—
34). The effect of the OH* radicals on the transient decay
reported in Figure 4. The complexity of the radicals chemistry
participation in the reaction sequence is shown in the
temporal behavior of the decay transients in Figure 4.

The initial amplitude of the transients is seen to increase
when adding NaCl in the 0—1 M range. Surprisingly, a
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FIGURE 2. Transient absorption spectra after the laser pulse on FeCl; solutions with a long time domain. [Fe®*] = 0.8 mM at pH 1.56. The

inset shows the photobleaching for the transient at 2 = 380 nm.
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FIGURE 3. (a) Transients in the Fe(ClO4); 0.59 mM solution after the
laser pulse registered at A4 = 360 nm at the different NaCl
concentrations. pH = 0.8. LiClO, is used as neutral salt. The ionic
strength is 2 for all solutions. (b) Absorption spectra for the Fe-
(ClIO4); 0.59 mM solution at 4 = 360 nm at the different NaCl
concentrations at pH 0.8. The ionic strength is 2 for all solutions.

0.03 -
A =360 nm

0.02 |-

< )
N

<

001 - B)

&)
~ D)
0.00 U L . L . L . L )
0 1 2 3 4 5
Time (us)

FIGURE 4. Transients in the Fe(ClO4); 0.59 mM solution at 4 = 360
nm at the different NaCl concentrations. pH = 2.8. LiClO, is used
as neutral salt. The ionic strength is 2 for all solutions. Traces: (A)
1.0 M NacCl, (B) 2.0 M NacCl, (C) 0.2 M NaCl, and (D) 0 M NaCl.

marked decrease in the initial amplitude is observed for the
transient in the presence of 2 M NaCl. At a low CI~ anion
concentration (<0.2 M NaCl). Figure 4 shows slow kinetics
for the signal growth. Butatahigher CI~ anion concentration
(>0.2 M NaCl), the transient signals show a decay within 5
us. Different concentrations of Cl~ in solution produced
different amounts of Fe—hydroxy and iron chloride com-
plexes as seen by the transient curves in Figure 4. A
quantitative analysis of this system is shown below.

ii. The Nature of Fe3* Complexes in the Presence of CI~
lons. The absorption of iron complexes in solutions
containing Cl~ ions is a topic of considerable interest (13, 14,
26—28). The most important equilibria involving Fe** ions
reactions at acid pH values are shown in Table 1.

TABLE 1. Important Equilibria for Fe3* ions at Acidic pH
Values in Aqueous Chloride Solutions?

reaction constant

Fe3* + H,0 = FeOH2+ + H* K1
Fe3t 4 2H,0 = Fe(OH),t + HF K>
Fe3t 4 Cl~ = FeCI2+ 3' 534 M1 ?3)
Fe3* + 2CI~ = FeCl*+ Kff' 1.82 M2 (4)

2 Abbreviations in Table 1. Fe3f = Fe(H,0)s** complex; FeOH?t and

Fe(OH),* = (H,0)sFe OH?" and (H,0),Fe(OH),"; and FeCI>" and Fe(Cl),*
= (H0)sFeCI?* and (H,O)4Fe(Cl),".

1.9 x 103 M1 (1)
25x 109 M2 (2)
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FIGURE 5. (a) The dependence of the transient amplitude after
laser pulse as a function of the concentration [NaCl]. Two delay
times are presented, 0 and 1 us. [Fe(ClO4)3] = 0.59 mM; pH = 0.8;
4 =360 nm. (b) The dependence of the concentrations of ferric
complexes vs [NaCl] at pH = 0.8 calculated according to reactions
1—-4: (A) FeOH?*, (B) Fe®*, (C) FeCl,*, (D) FeCI?*, and (E) FeCl,* +
FeCI>™.

The equilibria between ferric ion and its products of
hydrolysis are expressed in terms of the formation constants

' [Fe*']
_ [Fe(OH);JH'T?

? [Fe*]

which are dependent on temperature and ionic strength. K;
=1.9x 107°M,K;=2.5 x 107°M?at T = 25 °C; ionic strength
2 (13) the equilibria constants
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FIGURE 6. The relative concentration of Fe3*, FeOH?*, Fe(OH),*, FeCI>*, and Fe(Cl)," in the water solution calculated according to egs
1—4 as a function of the pH. The absorption of the ferric complexes is a function of the pH at a total iron concentration of 1 mM. The
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At A = 347 nm in the Fe®" species in solution show molar
absorption coefficients (13, 14, 30—34): Fe(H,0)s*" =10 (M
cm)~%; Fe(OH)?* = 800 (M cm)~%; Fe(OH),™ = 550 (M cm)~%;
FeCI? = 2300 (M cm)~%; and Fe(Cl),"™ = 2740 (M cm)~%. The
Fe(H,0)6*t complex does not absorb light at 2 =347 nm. The
absorption bands of Fe(OH)?*, Fe(OH),*, FeCI>", and Fe-
(CI);* between 300 and 400 nm correspond to the charge-
transfer bands. Usually these bands reflect the shiftin charge
away from the ligand to the metal center. The formation of
the radical species under light proceeds as follows:

FeOH?" + hy — Fe?" + OH" (5)
FeCI** + hv — Fe?" + CI’ (6)
Fe(OH); + hv — FeOH" + OH® (7
Fe(Cl), + hv — FeCI™ + CI’ (8)

Figure 5a presents the dependence of the transient
amplitude of the signals previously reported in Figure 3a vs
NaCl concentration at two different delay times after the
laser pulse. Itis possible to plot the relative concentrations

3276 m ENVIRONMENTAL SCIENCE & TECHNOLOGY / VOL. 32, NO. 21, 1998

of the various Fe®" complexes in solution as a function of
NaCl concentration by usingeqs 1—4. The resultsare shown
in Figure 5b. From Figure 5a,b, the increase in the amplitude
of the transients in Figure 5a occurs in parallel with the
increase in the signals observed for the ferric chloride
complexes, indicating that these transients are mainly due
to photolysis of the latter complexes in solution.

Figure 6 presents the optical absorption and the calculated
concentrations of Fe3* hydroxy complexes and Fe®* chloride
complexes as a function of solution pH. The iron concen-
tration was 1 mmol in all cases. The concentration profiles
shown in Figure 6 were obtained by solving the set of
equations corresponding to the equilibria 1—4 for different
pHvalues. Asseenfrom Figure 6a,c, ameaningful absorption
of FeOH?" is obtained at a pH < 2 in the absence of the CI~
ion. Our estimations show that FeOH?* is the main chro-
mophore at 347 nm in the absence of Cl~ ions in solution.
In the presence of Cl~ ions (2 M) the laser light is absorbed
mostly by FeCI>" and FeCl?* complexes. Only at pH > 1.5
the absorption due to Fe—hydroxy complexes begins to be
important. In the presence of Cl~ ions (2 M) the FeCI?" and
FeCl,* in solution were found to be the main absorbing
species at A = 347 nm (pH < 3). Laser photolysis suggest
that Cl;*~ or CIOH*~ species are responsible for the transient
absorption in Figures 1—5 since these two species absorb in
the range 230—450 nm. The Cly*~ absorption has a maximum
at 340 nm with a molar absorption coefficient of 8.8 x 10°
(M cm)~t. The radical CIOH*~ has been reported to have
maximum at A = 350 nm with a molar absorption coefficient
of 3.7 x 10° (M cm)™! (21—-24). The photodissociation of
FeOH?" and FeCI>" occurs under light excitation at A < 400
nm (15—20, 22, 23). The reactions of OH" radicals with CI*
atoms produce Cl,*~ and HCIO*~ as reported by radiolysis



TABLE 2. Radical Reactions Involving CI*, CIOH®, Cl,®, and OH* Radicals

reaction

Cl*+ ClI- =Cly*~

Cl* + H,0O = CIOH*~ + H*

CIOH*= = OH"* + CI~

Cl* + Fe?t — CI~ + Fe3*

Cly*~ + Fe2t — 2CI~ + Fe3*

OH* + Fe?™ — OH~ + Fed"

CIOH*~ + Fe?t — Cl~ + OH™ + Fes*
Cly*~ + Cly* — Clz~ + CI-

C|37 = Clz + CI~

OH* + OH* — H202

a-¢ Rate constants data from (a) ref 37, (b) ref 40, and (c) ref 12.

k* (forward)

2 x 1010 (M s)~1
1.3 x 103 (M s)~1
6.1 x 1091

5.9 x 109 (M s)
1.4 x 107 (M s)~t
2.3 x 108 (M s)!
1.3 x 108 (M s)~1
3.1 x 109 (M s)*

6 x 109 (M )1

k= (backward)

1.1 x 105571 (9)2
2.1 x 1010 (M s)~t (10)2
4.3 x 10° (M s)1 (11)
(12)2
(13)2
(14)2
(15)2
(16)°
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FIGURE 7. (a) The calculated transient curves at 4 = 370 nm. A
Runge—Kutta algorithm is used for the solution of the differential
equations corresponding to the reactions sequence 9—17. Line A
corresponds to the pH = 0.95, and line B corresponds to the pH =
1.92. (b) The experimental transient curves at 4 = 370 nm under the
photolysis of solutions: [FeCl;] = 0.7 mM. HCI is used as an acid
and as a source of Cl~ anions. Line A corresponds to the pH = 0.95,
and line B corresponds to the pH = 1.92.

work (24—27). To decide if radical Cly*~ or CIOH*~ prevails
after photoexcitation in ferric chloride solutions, the complete
scheme shown in Table 2 should be considered for the
formation of radicals in solution.

Figure 7a presents the calculated transient curves for the
absorption of solutions at 4 = 370 nm. The system of
differential equations involving the equations in Table 2 was
solved by way of the Runge—Kutta algorithm. Figure 7b
shows the transient results obtained by laser photolysis of
an FeCls solution at different pH’s and for different Cl~ anion
concentrations. The calculated transients were obtained by
the Runge—Kautta algorithm applied to reactions 9—17 using
the rate constants in Table 2. The calculated optical density

AA(t) — €C|—2[CI2.7](t) + GCIOH*‘[CIOH.i](t) (18)

with the radical concentrations [Cl*~](t) and [CIOH*"](t) and

eci~ and ecion- the molar absorption coefficients at 1 = 370
nm for the two species with values: 8 x 10° (M cm)* and
3 x 10% (M cm)~L. The initial concentration of the radicals
[CI] + [OH*] was assumed to be 5 x 1076 M. This last
estimation is based on the transient signal observed for CI°,
the molar absorption coefficients of FeCls, the bleaching of
FeOH?" at the concentrations detected in the optical path-
length of the laser beam. The concentrations of ferric
complexes Fe®", FeOH?*, Fe(OH),", FeCI**, Fe(Cl),*,and CI~
anions were calculated by algebraic equations the equilibria
1-4. The main feature of Figure 7b was the slow decay of
the optical density at the pH = 0.95 and the rise of the transient
observed at a pH = 1.92 within 5 us. The comparison of
calculated and measured transients in Figure 7a,b suggests
that the scheme of the reactions in the Table 2 adequately
interprets the experimental results obtained. The qualitative
difference between the transients at pH = 0.95 and pH =
1.92 is explained by the fact that at pH = 0.95 and [CI] =
114 mM the radicals CI*, OH*, CIOH*~ are transformed into
Cly~inless than 10 ns. At pH =1.92 and [CI"] = 14 mM the
OH- and CI* render CIOH*~ and Cl,*~ formation slower than
shown in the transient 2 (Figure 7b). According to the our
calculations, the CIOH*~ radical concentration is low (102
M) at both pH=0.95and pH=1.92. The observed transients
are attributed to the Cly'~ absorption less the absorption
originating from the photolised ferric complexes.

From the previous considerations the complex shape of
the transients in Figure 4a becomes clear. The observed
curves are a result of the photolysis of the different ferric
complexes FeOH?" and FeCI?>*. The OH- radical reacts with
the CI~ anions producing CIOH*~ radicals at slower rate as
less Cl~ anions exist in solution (11). CIOH*~ radicals are
transformed into Cl*~ radicals rather fast at low pH due to
the reactions 9 and 10. The transient curves in Figure 4 vary
as afunction of the CI~ anion concentration. The formation
of multicenter ferric complexes has been reported at acidic
pH values (26). The estimation of the Fe,(OH),*" concentra-
tion using the equilibrium constant Keg = 8 x 107* M (42)
shows that there is less than 5% concentration of FeOH?" in
this complex form in solution and that this complex is not
important in the overall reaction scheme taking place.

The observed bleaching (Figure 2) corresponds to the
transformation of the colored ferric chloride complexes into
the ferrous uncolored complexes due to the photolysis
reactions 5 and 6. The radical decay in the system was
determined by the set of reactions 12—17 in which the Fe(ll)
species is involved. The rate constants of the OH" radicals
recombination (17) and Cl,*~ dismutation (16) are about 1
or 2 orders of magnitude higher than the rate constants of
these radicals with Fe(ll). The radical decay occurs mostly
due to the reactions 15 and 16. For this reason the
photogenerated Fe(ll) species in solution does not recover
to the ferric form completely in the reactions 13 and 14 when
reacting with Cl;*~ or OH* radicals. This is at the origin of
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FIGURE 9. Transient absorption spectra after the laser pulse on FeCl;+XYL in solution with a long time domain. [XYL] = 12 mM; [Fe®']
= 1.2 mM at pH 1.6. The inset shows the transients for the system at 420 and 360 nm.

the bleaching observed in Figure 2. The lifetime of Cl,*~ about 120 us. The initial Cly*~ concentration estimated from
determined from the transient shown in the Figure 7b is the initial optical density of the transient is about (3—5) x
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FIGURE 10. Transient absorption spectra after the laser pulse (long time domain) for solutions containing FeCl; (0.8 mM), H,0; (33 mM),
and XYL (12 mM) at pH 1.56. The inset shows the absorption at 420 nm and the bleaching at 360 nm.

10-M. Assuming that the decay Cl,*~ occurred with reaction
16, an estimation of ks could be made as 1/[(120 x 107%)-(4
x 1076)]=2.1 x 10°(Ms)~L. Thisrate constantisin reasonable
agreement with the published data of 3.1 x 10° (M s)™! as
shown in eq 16 (Table 2).

iii. Laser Photolysis of FeCl>*—Xylidine Solutions.
Figure 8 shows the transient absorption spectra for the
solutions of XYL in the presence of Fe* and ClI~ ions. The
solutions containing XYL and Fe®' ions were mixed im-
mediately before the laser pulse to avoid the effect of dark
reactions. Note thatthere is no detectable transient response
due to laser photolysis of XYL in solution when Fe®* ions
were not added. At a decay time of 100 ns (Figure 8), an
absorption band similar to the spectra shown in Figure 1 is
observed corresponding to Cl,*~ radical absorption. The inset
to Figure 8 shows the rise of absorption signal reported in
Figure 8 with a maximum at A = 420 nm. This band
corresponds to the aniline radical cation [CeHsNH]*" (35,
36) with a molar absorption coefficient of 4.1 x 10° (M cm)~*
at Amax =420 nm. The half-width of the aniline radical cation
in Figure 8 is very similar to the one reported in refs 35 and
36. Therefore, the XYL*" [CsHoNH,]** radical—cation band
is unambiguously assigned by pulsed laser spectroscopy.

Figure 9 presents the transient absorption spectra in the
long time scale after the laser pulse for FeCl;+XYL solutions.
The decay of the [CsHgNH,]*" radicals up to 2 ms is reported.
Photobleaching of these radicals are observed at A <370 nm.
The bleaching originates from the reduction of the Fe®** ion
to Fe?" ion in the presence of XYL.

The inset in Figure 9 shows the long-lived transient
responsible for the photobleaching atA =360 nm. The decay
of the [CsHoNH_]'* radicals in the inset to Figure 9 suggests
radical recombination similar to the recombination of aniline
radical—cations (35). Itis difficult to determine the second-
order rate constant for the reaction between these aniline
radicals by optical means since the recombination products

absorb in the same 1 region as the radicals (35). The inset
of Figure 9 shows that the radical recombination takes place
within 2 ms. Since the radical concentration was about 3 x
1078 M, the second-order rate constant is 2k;; = 10° (M s)%.
Thisvalue is close to the value for the recombination of aniline
radical—cations in solution (35). It should be mentioned
thataniline radical—cations recombine in the para positions.
In the case of the XYL radicals, the para and the ortho
positions are methyl end groups. In both cases the recom-
bination rate constant proceed with values close to diffusion
controlled rates.

iv. Laser Photolysis of Fe Salts in the Presence of H,0,.
Fe3* ions [from Fe(ClO,); 0.76 mM] in a solution containing
NaCl (1 M) to which different concentrations of H,O, were
added were investigated by laser photolysis. An absorption
band below 4 = 450 nm was observed similar to the
absorption reported in Figure 1 for Cl,*~ in solution containing
Fe3™ + CI~ in the absence of H,0,. The main difference due
to the addition of H,O, consisted of the temporal behavior
of the transient decay. Anacceleration in the transient decay
was observed, indicating that Cl,*~ reacts with H,O,. The
reciprocal dependence of the lifetime of Cl,*~ lifetime vs
[H20,] concentration was plotted and a rate constant kig =
(9.0 + 0.4) x 10* (M s)* was found for

Cl,” + H,0, =~ H" 4+ 2CI” + HO, (19)

The optical absorption changes as the H,O, concentration
was increased in the former Fe3* solution revealed a
competition between the CI~ anion (eq 9) and H,0; (eq 20)
for the CI* in solution. Additional experimental in solutions

CI'+ H,0,— H" + ClI” + HO, (20)

containing Cl~, H,O,, and CI* allowed the intercept/slope
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FIGURE 11. (a) The dependence of the relative optical absorption changes at 360 nm vs H,0, concentrations as noted in the figure caption
for the solution used in Figure 10. A short time domain was used. (b) The dependence of the transient growth in the short time domain
at 420 nm for the transients in solution as a function of the added H,0, concentration as noted in part a.

ratio kzo/kg [CI7] to be plotted and the value for ky as kx =
(2.8 +1.0) x 10'°(Ms)*to be determined. The acceleration
in the transient decay indicates that CI* reacts with H;0,.

Competitive kinetics indicated a rate constant of ky; = (4
+2) x 10% (M s)~* for the reaction of CI* atoms with XYL (eq
21). This value coincides with the rate constant for the
reaction of CI* with aniline of 4 x 10% (M s)~* (39).

CgHoNH, + CI' — [CgHgNH,]™ + CI™ (21)

No detailed description of these measurements are
reported here since these measurements are only of marginal
interest in the present study.

v. Laser Photolysis of XYL/H,O,/(Fe**—CI~) Solutions.
Figure 10 shows the transient absorption spectra after the
laser pulse of the ternary system XYL/H.O,/FeCl;. These
spectra with a pronounced band at ~420 nm are similar to
the bands observed in Figure 9 for solutions containing only
XYL/FeCl;. The main difference between the spectrareported
in Figures 9 and 10 is the significantly lower intensity of the
420-nm band in the last case. This is indicative of H,O,
competing with the CI~ anion and XYL for the CI* available
in the solution (see eq 20).

Figure 11a shows the decrease of the initial amplitude of
the XYL transient at A = 360 nm when the concentration of
H,O, is increased from zero up to the relatively high
concentration of 333 mM. A concomitant decrease in the
magnitude of the transient growth at A = 420 nm is observed
in Figure 11b. The decay and rise time of the transient of
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~1 us in Figure 11a,b does not change with H,O, addition
up to 333 mM. Thisis indicative of a weak interaction of the
transient absorbing in solution with added H,0,. Knowing
the rate constant of kyg =4 x 10* (M s)~* for the reaction Cly*~
+ H,0, an estimate could be made for the characteristic
reaction time reaction time of Cl,*~ with H,O, upon addition
of H,0, (333 mM) of [(333 x 1073 M) (4 x 10*M~1s1)]~1.33
x 1074571~ 0.76 x 10~*s or 76 u for reation 19. This time
is much longer than the decay time of ~1 us seen in Figure
11. The characteristic time of reaction is the reaction time
(taken as 1/e time) for a bimolecular process Therefore, the
H,0, added in solution does not compete with XYL for the
Cly*~ radicals available in solution.

The changes in the initial amplitude of the absorbency
at t ~ 100 ns in Figure 11a at A = 360 nm and the decrease
in the amplitude of the growth component in Figure 11b at
A = 420 nm are determined by the competitive reactions
between the CI~ anion, XYL, and H,O, with CI* atom in
reactions 9, 20, and 21, respectively. The optical absorption
is calculated from relations 22 and the radical concentration
is stated in ref 23:

A=eq,[Cl" 1+ exvi[CeHoNH,™ ] — épecio [FECIP'] (22)

ko[CITTICIT,
Ko[CI'] + ko[ XYL] + kyu[H,0,]

[Cl,"]=



CHNH = Kio[XYLICIT, )
ETE T KGICI T+ KygIXYL] + Kyy[H,0,]

The rate constant for the reaction of the OH" radical with
H,0; is significantly lower than reaction 20 above with a
value of (1.7—4.7) x 10" (M s)~%. The reaction of OH" radical
with H,O; is more exothermic than the reaction of CI* atoms
with HzOz.

OH® + H,0, — H,0 + HO,’ (24)

From thermodynamic parameters (kcal/mol) for H,O,
(—31.47), HO,* (3.00), CI~ (—31.35), OH* (8.53), H,O (—56.7),
and Cl; dissolved (1.65), and the bond energy for D(CI—CI)
= 57.1, the free energy of reactions 20 and 24 are —23.2 and
—31 kcal/mol (41). The latter value is more exothermic by
~8 kcal/mol than the value in reaction 20. Generally, one
would expect a higher rate constant for a more exothermic
reaction. The nonapplicability of this rule in the case of
reactions 20 and 24, for the oxidation of H,O, by OH" radicals
and CI* atoms, could be rationalized by these reactions
proceeding viaadifferent mechanism. Hatom transfer would
be occurring in the case of OH* oxidation (24) and electron
transfer in the case of CI* oxidation (20).

In conclusion, the ferric chloride complexes have been
shown to act as photoactive chromophores in photoassisted
Fenton degradation of XYL. This seems also to be the case
for ferric hydroxy complexes. The sequence for the reactions
in the system XYL/Fe®"/H,0; in the presence of Cl~ anion
and the rate constants for the reactions of interest are
reported. Iron(lll) in acid solutions show a negligibly
transient signal in the absence of CI~ anions. The Cl~
radicals in solution are be formed due to the reactions of CI*
atoms with CI~ anion produced during the photolysis of Fe3™—
Cl~ complexes. These radicals can also be produced by the
reaction of OH* from FeOH?* with CI~ anion. The results
presented in this study have mechanistic implications for
the photoassisted Fenton degradation of XYL. This will be
reported in the second part of this study.
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