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A two-stage oxidation (UV-Na,S,0g/H,0,-Fe(ILII)) process was applied to mineralize bisphenol A (BPA)
at pH; (initial pH) 7. We take advantage of the high oxidation potential of sulfate radicals and use
persulfate as the 1st-stage oxidant to oxidize BPA to less complex compounds (stoichiometric ratio:
[S208% 10/[BPA]o =1). Afterwards, the traditional photo-Fenton process was used to mineralize those
compounds to CO,. To the best of our knowledge, this is the first attempt to utilize the two processes
in conjunction for the complete degradation of BPA. During the 2nd-stage reaction, other oxidants (H,0,

gﬁ}évgsrrfirfe disrupting chemicals and Iron alone) were also employed to observe the extent of enhancement of photo-Fenton. Further, qual-
Bisphenol A itative identification of both hydroxyl and sulfate radicals was performed to evaluate their dominance
Persulfate under different conditions. The BPA degradation in this UV/persulfate process formulated a pseudo-first-
Photo-Fenton order kinetic model well, with a rate constant of approximately 0.038 min~! (25°C), 0.057 min~! (35°C),
Mineralization and 0.087 min~! (50°C), respectively. The much lower activation energy (AE=26k] mol-') was further

calculated to clarify that the thermal-effect of an illuminated system differs from single heat-assisted
systems described in other research. Final total organic carbon (TOC) removal levels of BPA by the use
of such two-stage oxidation processes were 25-34%, 25%, and 87-91% for additional Fe(ILIII) activation,
H, 0, promotion, and Fe(ILIII)/H,0, promotions, respectively.

© 2008 Elsevier B.V. All rights reserved.

1. Introduction

Bisphenol A [BPA: 2,2-bis(4-hydroxyphenyl)propane] was first
manufactured by ALBERT Company in Germany in 1923. The vast
majority of it, greater than 99.9%, is consumed at manufacturing
sites to make products such as synthesized polymers including
polycarbonates, epoxy resins, phenol resins, polyesters, and poly-
acrylates [1]. BPA dust (particulate) is controlled by workplace
practices and engineering design and is not a significant contrib-
utor to environmental pollution. The relatively small amount of
vapor released into the atmosphere can be rapidly degraded by sun-
light. However, low levels (ppb to ppm levels) of BPA was released
into effluent water, and even after biological wastewater treatment,
the residuals still remain harmful to the environment and human
health [2].
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Recently, biphenolic compounds including BPA have been recog-
nized as endocrine disrupting chemicals (EDCs) [3]. Unfortunately,
the presence of these compounds in effluents at low but envi-
ronmentally relevant levels, indicates that traditional technologies
are not sufficiently effective for treating these compounds. Thus,
it is not only necessary to assess the biodegradability or fate of
BPA in the natural environment, but also lower its toxicity. New
biodegradation technologies are under development to target such
compounds for treatments, including enzymatic processes [4,5],
but the common drawbacks of biodegradation technologies, such
as a long reaction time required (several days to months), still
remain. Even the powerful advanced oxidation processes such
as Fenton’s reaction (Eq. (1)) is limited by low pH conditions
(PH; <4) [6].

Fe?t +H,05 — Fe3* +OH™ +°*OH, k= 63M"15"! (1

However, some researchers recently have improved this draw-
back in the presence of ligands to iron, pH can be expanded to
neutral region [7,8].

Another oxidation method was proposed based on the high
redox potential (Eg=2.01V) of persulfate (S,0g2~), which is used
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less frequently than ozone (Eg=2.07V) [9]. Persulfates are used
as initiators in the emulsion polymerization processes, detergents,
bleaching agents, and in the etching of Cu-printed circuit boards.
Recently, persulfate was commercially used in a total organic car-
bon (TOC) analyzer as an oxidant and has additionally been used for
in-situ chemical oxidation (ISCO) of contaminated soil and ground-
water.

The decomposition of persulfate in aqueous solution is an
important step to yield sulfate radicals (SO4~*, Ep=2.60V) for
strong oxidation [10,11], and such radicals can also react with water
to yield hydroxyl radicals [12,13]:

SO4~* + H,0 — H' +S042~ +°*OH (2)

Although, the reaction rate constant is very low (k<60 M~1s-1),
such that the reaction is not a major sink for sulfate radi-
cals; the SO4~* radical, however, has high efficacy on organic
matter.

We take advantage of the high oxidation-reduction potential
of sulfate radicals and use persulfate as the 1st-stage oxidant
to oxidize BPA to less complex compounds (stoichiometric ratio:
[S2052"Jo/[BPA]p=1). Afterwards, the traditional photo-Fenton
process was then used to mineralize those compounds to CO, or
to decompose it to be biodegradable. To the best of our knowl-
edge, this is the first attempt to utilize the uniqueness of the two
processes for the complete degradation (mineralization) of BPA,
instead of utilizing a single persulfate oxidation process with a
high stoichiometric ratio of persulfate [11,14,15]. During the 2nd-
stage reaction, other oxidants (H,O, and iron alone) were also
employed to observe the extent of enhancement of photo-Fenton
[6,7]. Further, the qualitative identification of both hydroxyl and
sulfate radicals was performed to evaluate their dominance under
different conditions.

Consequently, this study was undertaken to overcome the com-
mon disadvantages of traditional methods, thus developing a
novel technology we call “UV-Na,S,0g/H,0,-Fe(ILIII) two-stage
oxidation process”. BPA was chosen as the model EDC contami-
nant, and a high TOC removal, related to complete mineralization,
was expected to be achieved in order to destroy its toxicity. A
significant benefit from this concept is to directly practice the
treatment of BPA, even in alkaline conditions (pH; > 7), no mat-
ter whether the case is ISCO, or not. The powerful oxidants
will serve as identified SO4~* and °*OH radicals, which can be
introduced coexistently to participate in the BPA decomposition
reaction. Furthermore, a kinetic approach to persulfate partici-
pation in the BPA decomposition is also expected to be carried
out.

2. Experimental
2.1. Materials

Bisphenol A was purchased from Showa. For reference, the
chemical structure of BPA consists of two phenolic rings joined
together through a bridging carbon which is displayed as the
target EDC used in all trials. Sodium persulfate (SPS) was
purchased from Riedel-de-Haén. Hydrogen peroxide (35wt.%)
solution was obtained from Nihon Shiyaku Reagent (Japan).
Ferric sulfate and ferrous sulfate were purchased from Acros
and Merck Chemical companies. 5,5-dimethyl-1-pyrroline-N-oxide
(DMPO) was purchased from Sigma. Other chemicals used herein,
including sulfuric acid and sodium hydroxide, were of reagent
grade and were used to adjust pH. All sample solutions were
prepared using deionized water from the Millipore Milli-Q sys-
tem.

H,;C

HO OH

T
H;C
Chemical structure of Bisphenol A (BPA)

2.2. Experimental procedures and analysis

The photo-activation of the BPA degradation reactions in a batch
photoreactor (Fig. 1) at reaction temperature was practiced. The
irradiation source was a 15W UV lamp (allowing mainly a wave-
length A =254 nm to emit) fixed inside a cylindrical photoreactor,
and the characteristics of the relative intensities of the emission
wavelengths are shown in Fig. 2. After turning on the UV light
and reaching a stable emission, 0.05mM (~10mgL-1) BPA solu-
tion was adjusted to pH; 7, while the estimated Na,S,0g (0.05 mM)
was simultaneously added to the photoreactor in a thermostatic
water bath to initiate the reaction. The H,0, and/or iron catalyst
(Fe(II) or Fe(Ill)) was then added to the reaction solutions as the
beginning of the 2nd-stage oxidation process. The volume of all
reactive solutions was 1.0L in each trial. The optimal amount of
~0.16 mM H,0, (based on the theoretical oxygen demand (ThOD)
of [BPA]; =0.05 mM) as oxidant and 0.045 mM Fe(ILIII) («the sto-
ichoimetric ratio of [Fe(ILIIN)];/[H,02];=1) as extra activator was
estimated, and then supplied to the system at the 2nd-stage of the
reaction process.

As unfavorable halogen ions such as Cl~ participate in the
reaction, they will simultaneously scavenge most of the radi-
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Fig. 1. Experimental equipment: (1) photoreactor, (2) UV lamp, (3) porous glass-
plate, (4) air pump, (5) thermostat, (6) thermometer and pH meter, (7) feeding
(NazS,0s or H,0, or Fe(ILIII)) and (8) sampling.
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Fig. 2. Wavelength distribution for absorption of S,0g2~ (10 mM in water) (b); BPA
(0.1 mM in water) (c) and emission from the applied UV lamp (a). The path length
for measurement of the absorption spectra was 1.0 cm set in a dynamic-UV analyser.

cals produced, thus generating chloride that may further transfer
to Cly(g) as a result of the combination of two chloride atoms
[13,16]. Due to the study requirement to clarify the kinetics of the
BPA/S,0g2~ oxidation system, all the reagents, including an acid
source for pH adjusting and a Fe(ILIII) source required for activa-
tion, are frequently used in the sulfate form instead of the chloride
form to avoid such unwanted scavengers.

The residual H,0, level was measured using titanium sulfate
method [17]. TOC was measured using a TOC analyzer (Sievers 900
Portable). The performance of SO4~ produced was detected using
ion-exclusion chromatography with a 4.6 mm ID x 250 mm L Met-
rosep A SUPP 1 column (Metrohm, USA), which was not interfered
with by the residual oxidants (H,0; or S;0g2~) during the reaction
period.

An electron paramagnetic resonance (EPR) spectrometer from
Bruker (model EMX-10; X-Band; 9 GHz) was used to detect whether
the free radicals (SO4~* and/or *OH) were produced during the acti-
vation of persulfate with the degradation of BPA. DMPO (~0.07 M)
was used as the radical spin-trapping reagent, while the EPR was
operated on the following conditions: the center field = 3483 G, the
sweep width=100G, the microwave frequency =9.8 GHz, and the
power setting=400W. The residual BPA level was measured after
0.5 mL methanol was added to each sample (1 mL) to quenched the
radicals and thus terminate the reaction. The maximum absorp-
tion of BPA is at Amax=276nm, and the removal of BPA were
determined using high-performance liquid chromatography (Shi-
madzu 6A) with a TSK-GEL ODS-100S column (4.6 mm x 250 mm).
Almost no FeZ* ion residuals can be determined using the 1,10-
phenanthroline method [18] during the degradation of BPA, in all
of the 2nd oxidation processes. The Fe(Il)-phenanthroline complex
was evaluated spectrophotometrically at Amax =510 nm. All sam-
ples were analyzed immediately after sampling to prevent further
reactions.

3. Results and discussion
3.1. Photo activation and radicals identification

When activated by heat or a UV source (254nm), S,0g2~
will decompose into two anionic free radicals (SO4~*) which are
thought to be responsible for the degradation of BPA rather than
the S,0g2 anion itself (Eq. (3)).

hv/A
5,052 /2250, 3)

Fig. 2 shows the relationship between the wavelength distri-
bution for absorption of S;0g2~ and the emission from the UV
lamp we used. As observed under suitable conditions, the lamp
emits mainly 220-580 nm light. BPA absorbs sharply from 250 nm
to 300nm (Amax =276 nm) mainly and has weak, broad absorp-
tion to ~225 nm, whereas S,0g2~ absorbs from the deep-UV region
(<200nm) to ~350 nm. Thus, S;0g2~ was thought to be the dom-
inant absorbing species in our study conditions [19]. It follows
that this figure can also clarify that the predominant wavelength
(A=254nm) of the UV lamp we used was rarely directly responsi-
ble for the decomposition of the BPA, corresponding to the verified
background data of curve (h) in Fig. 4.

The identification of SO4~* radicals was carried out by EPR,
which has been mainly used for detection of radical species
involved in polymerization, degradation and oxidation. The pres-
ence of unpaired electrons is a prerequisite for obtaining an EPR
spectrum. Yet, when radical species are at a too low concen-
tration or have a too short lifetime (~300 ws) for EPR detection
[20], they should be converted further to yield an EPR detectable
product, called a spin-adduct, by reaction with a spin-trapping
agent. For this reason, a spin-trapping agent, DMPO, was used
in this study to react with any radicals present in the reaction
system [21]. After treatment with DMPO at 25°C, the EPR spec-
tra of SPS (pH <4), alkali + SPS (pH > 11), photon + SPS (pH <4), and
alkali + photon +SPS (pH > 11) are shown in Fig. 3(a-d), respectively.
Comparing the spectrum of Fig. 3(a and b) with Fig. 3(c and d), the
characteristic peak of the *OH radical is much more obvious than
that of the SO4~* radical in Fig. 3(c and d) due to the further trans-
formation of SO4~ to OH (Eq. (2)), and the side reaction (Eq. (4))
by the participation of the UV source as an efficient activator of
persulfate photolysis.

S04~ + Hy0-"450,2" + *OH + H* (4)

The *OH spectrum and SO4~* spectrum are simultaneously
identified from the intensity ratio of each characteristic peak as
1:2:2:1 [22] and 1:1:1 [21], respectively. The *OH spectrum is
identified as the intensity ratio of 1:2:2:1 of the four symmetri-
cal characteristic peaks, it is indicated by the series of symbols as
®:@:@:® in Fig. 3. Likewise, the SO,~* spectrum is identified as
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Fig.3. EPR spetra of SPS (pH; <4)(a), alkali + SPS (pH; > 10) (b), photon + SPS (pH; <4)
(c), and alkali + photon + SPS (pH; > 10) (d). Each trial of 0.05 mM SPS solution (acidic
or alkaline) was, or was not, photo-activated within 1-2 min of illumination, and
was thus detected by EPR with the participation of BPA to identify the expected
SO4~* and *OH produced. Center field=3483 G, sweep width=100G, microwave
frequency = 9.8 GHz, and power setting =400 W and operating temperature =25 °C.



1214 Y.-E Huang, Y.-H. Huang / Journal of Hazardous Materials 162 (2009) 1211-1216

the intensity ratio of 1:1:1 of the three symmetrical characteristic
peaks, it is also indicated by the series of symbols as @:@: @ in Fig. 3.
From this point of view, SO4~* starts to decompose and transform
into *OH rapidly as the solution pH > 8.5, and, furthermore, *OH
will become the dominator when the solution pH> 10.7 [20]. On
the contrary, SO4~* is rather stable in acidic solutions.

This concept is directly proved in Fig. 3. In comparison, the reac-
tion pH of Fig. 3(a and c¢) is acidic, but the pH of Fig. 3(b and d)
is greater than 11 so that the *OH spectrum is more obvious than
that in Fig. 3(a and c), respectively. Contrarily, the SO4~* spectrum
of Fig. 3(a and c) is more obvious than in Fig. 3(b and d), respec-
tively. It seems even more likely that only the SO4~* spectrum
could be observed in Fig. 3(a) due to the very low concentration
(0.05mM) of SPS required to conform to the conditions of each
trial. This result also indicated that such a small dosage of oxidant
([SPS]o/[BPA]Jp=1) is sufficient to produce SO4~* radicals which
can be detected from EPR treatment (with DMPO) after few min-
utes (~6 min), directly verifying that these expected strong radicals
(SO4~* and *OH) are both present to further oxidize BPA.

3.2. Matel activation and H,0, promotion

Goulden and Anthony [23] found that under strong acidic
conditions (pH 1.2), the removal rate of nicotinic acid (target con-
taminant) is greater thanitin alkaline conditions (pH 12), but worse
than at pH 5. Thus, solutions with extreme acidic or basic conditions
are unfavorable for persulfate oxidation.

When the decomposition of persulfate is carried out in un-
buffered solutions, the pH will drop as the reaction proceeds.
If it falls low enough, an increase in the rate of decomposition
due to a significant contribution from the acid-catalyzed pathway
will become important. Under alkaline conditions, the decomposi-
tion rate is lower than under acidic conditions, and the reversible
reaction is also insignificant. However, when pH > 14, the decom-
position rate will increase and OH-catalyzed reactions become
important [14,20,24,25].

Therefore, all the experimental trials in our systems were prac-
ticed at pH; 7 due to a large application range (pH 1.2-12) of
persulfate to break the limitations of Fenton’s reagent (pH; <4). In
such un-buffered systems, solution pH will drop to pH<4 to con-
form to S,0g2~ decomposition as the reaction proceeds, thus it will
contribute to the utilization of extra Fe(ILIIl) ions in the 2nd-stage
of oxidation of BPA.

The sulfate radicals are stable in neutral and acidic solutions,
but they will apparently be converted to hydroxyl radicals in the
presence of oxygen at a pH > 8.5, and they completely disappear at
pH 10.7-10.8 [20]. This implies that not only SO4~*, but also *OH
participates in the oxidation of BPA. At pH; 7, SO4~* is the domi-
nator because of the solution pH dropping to an acid state as the
reaction proceeds. However, the *OH may also participate in the
BPA oxidation in the 2nd-stage of the process.

Though thermal and UV activations are two of the ways to con-
trol the generation of SO4~*, as described in Eq. (3), many transition
metals, especially divalent metals (Mn2*) which are commonly seen
and are important in soil and groundwater systems, may act as elec-
tron donors to catalyze the decomposition of persulfate through
an one-electron transfer reaction analogous to the Fenton initia-
tion reaction. Initiation reactions of Fe2* result in the formation of
sulfate radicals [26,27]:

Fe2t +S,05%™ — SO4~* + SO4%~ +Fe3* (5)
Fe?™ +5047° — SO42~ +Fe3* (6)

Fig. 4 shows the comparative study (pH, [BPA]/[BPA]y, and
sulfate generation) of the two-stage oxidation process including
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Fig. 4. The pH variations of reaction solutions including the 1st-stage oxida-
tions and the 2nd-stage oxidations (from t=50min, pH<4) (a); BPA degradation
during various two-stage oxidations (b) and the sulfate ions generation during var-
ious two-stage oxidations (c). The 1st-stage shows the presence of Na,S,0s (a);
UV +Na,S,05 (b-g); the 2nd-stage is the additional additives of Fe?* (c); Fe3* (d);
H,0, (e); Fe?* +H,0, (f) and Fe3* +H,0, (g). The comparative background experi-
ment for the single photodegradation of BPA with no reagent (h). [BPA[; =0.05 mM,
[SPS]; =0.05 mM, [Fe(ILIII)]; = 0.045 mM, and [H, 03 ]; =0.1579 mM. Reaction temper-
ature=25°C.

extra Fe(ILIII) activation, H,O, promotion, and Fe(ILIII)/H,0, pro-
motions. Consequently, high mineralization performances can be
found in Table 1, corresponding to the tendency of 2nd-stage pro-
cesses displayed in Fig. 4(b). In comparison, the single use of the
S,0g2~ process can reach the efficacy of total decomposition of
BPA, but very rarely for TOC removal. The additional additive of
H, 0, (or Fe(ILIII)) can contribute to a ~25% TOC removal (or 25-34%
TOC removal). This is due to the additional *OH donated by addi-
tional UV/H,0, processes, or the additional activator (Fe(ILIII))
for decomposing remaining persulfate to SO4~* more completely
as in the 2nd-stage processes. 87-91% of high TOC removal is
achieved in the Fe(ILIII)/H,0, promoted 2nd-stage process used to
ensure the detoxication of BPA: it indicates that the photo-Fenton
(UV/Fe(ILIII)/H,05) can proceed successfully from pH; 7 by the
combination of the S;0g2~ process. The concentration of SO42~ pro-
duced in each process reached almost the same terminal amounts
(~0.1 mM) after around 2 h, which conformed to the stoichoimet-
ric ratio from the theoretical decomposition of 0.05mM S,0g2~
(Fig. 4(c)).
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Table 1
Comparison of TOC removals between various 2nd-step complex oxidation processes
Run UV oxidation steps: a+b TOC removal (%)
1st-step: Na,S,0g? (reaction time (min)) 2nd-step: additives adding® (reaction time (min))
b: 0 45 50 65 90 300
1 Non (blank) 0 1 1 1 1 1
2 H,0, 0 1 17 20 20 25
3 Fe2* 0 1 8 18 22 25
4 Fe3* 0 1 31 33 34 34
5 Fe2* +H,0, 0 1 45 79 85 91
6 Fe3* +H,0, 0 1 30 66 72 87
2 The 1st-steps are present of UV +Na;,S,0g (runs 1-6)
b The 2nd-steps are additional reagents of nothing (run 1), H,O, (run 2), Fe?* (run 3), Fe3* (run 4), Fe2* + H,0, (run 5), and Fe3* +H,0; (run 6)
In addition, *OH is generated during the persulfate propaga- 1 >
. . . . 0, -
tion reaction (Eq. (2)). Sulfate radicals and hydroxyl radicals are X @zme
strong oxidants that can potentially oxidize many common contam- + (b) 35°C 4]
inants [14]. But unlike the non-specific oxidation ability of hydroxyl 0.8 L \oHeRie - 5]
radicals, sulfate radicals act as a relatively selective oxidant that | £ 2]
reacts with certain organic compounds [28,29], especially benzene = £ 25
derivatives with ring activating groups [30]. E 0.6 — 3
o -3.5
3.3. Thermal effect and kinetics approach = 4 L L R
L pp E 0.4 — 3 34 32 33 34
. . Lo @ - 1T (102 KT
The decomposition of persulfate in aqueous solution is an
important step in producing powerful sulfate radicals which
destroy organic compounds such as BPA. However, Liang et al.
[15,31] suggested that it requires a relatively high activation energy
of around 108-130 k] mol~!, and that the reaction is relatively slow

at room temperature for trichloroethylene (TCE) degradation. Thus,
temperature is an important factor influencing the decomposition
of persulfate and the generation of SO4~* radicals.

A kinetic study was first suggested by Kolthoff and Miller [32]
which showed that the S;032~ decomposition rate at any pH can
be expressed by the first-order reaction rate and is catalyzed by
hydrogen ions. Some studies have also approached the kinetics of
the TCE oxidation reaction with persulfate [11,23,31].

Based on this, the effects of temperature and the activation
energy of our BPA degradation system were then studied. Fig. 5
shows the influence of temperature on persulfate oxidation of BPA
over a range of 25-50°C. BPA degradation rates can be improved
under thermally enhanced conditions resulting in the degradation
of BPA after 1h being ~88% at 25°C, ~96% at 35°C, and ~99% at
50°C, respectively.

Accordingly, it was found in this BPA/UV/S,0g2~ process that
the BPA degradation is also well formulated to the pseudo-first-
order kinetics suggested by some research groups [11,23,25,31].
There is a very good fit of all the experimental data to a pseudo-
first-order model (R2=0.99), using the exponential regression
analysis (data presented in Table 2) formulated from the origi-
nal plot of the normalized remaining concentration ([BPA]/[BPA]y)
vs. reaction time (t) (Fig. 5). The pseudo-first-order rate con-

0 60 120 180
Time (min)

240 300

Fig. 5. Effects of temperature (25-50°C) on BPA degradation by the thermal
decomposition of Na;S,0s (a). [BPA]; =0.05 mM, [SPS]; =0.05 mM. Inserted figure:
Arrhenius plot for BPA degradation. The data points used for determining kops values
and AE are within the reaction time =60 min.

stants (kops) of BPA degradation were found to be 0.038 min!
(R?2=0.99)at25°C,0.057 min~! (R? =0.99)at 35 °C,and 0.087 min~!
(R2=0.99) at 50°C, respectively, which increased with increased
temperatures.

The activation energy of the thermal crack of the O-O bond of
S,0g2~ (Eq. (3)) was also reported to be 140.2 k] mol~! by Kolthoff
and Miller [32]. In comparison to Table 2, the activation energy
(AE=26KkJmol~1) in this UV/persulfate system is well estimated
from the Arrhenius plot (inserted figure in Fig. 5) and is much lower
than that reported by these researchers [11,15,31,32]. This may be
due to the structure of different organic target compounds and the
shrinkage of the reaction energy barrier (Eq. (3)) by extra activation
from a UV source (254 nm).

Table 2

The rate constants of BPA decomposition in UV/persulfate process as a function of temperature

Temperature (K) [BPA]o (mM) [S20s2]0/[BPA]o Kobs x 10 (min~1)? R? of k t1/2 (min)® AE (kJmol~!) R? of AE
298 0.05 1 3.80 + 0.04 0.99 16 25.99 0.99
308 0.05 1 5.60 £ 0.09 0.99 12

323 0.05 1 8.70 + 0.09 0.99 9

2 The observed rate constants were approached to simulate the oxidation of BPA by UV/persulfate according to the pseudo-first-order kinetics suggested by Liang et al.

[31] and Huang et al. [25].
b Half-life time of BPA in UV/persulfate oxidation process.
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4. Conclusions

Sodium persulfate is a potential alternative oxidant for extensive
use because of its high water solubility and stability at the ambient
temperature (25 °C), and because sulfate ions are relatively harm-
less and environmentally friendly which are the major products
resulting from the reduction of persulfate.

Only a minimum molar ratio of [S;0g2~ ]o/[BPA]p =1 is required
from the neutral pH; condition to promote the traditional Fenton’s
reagents ([Fe(ILII)]o/[H202]p <1, and a ThOD of [H,0,]o/[BPA]p)
utilized during the proposed 2nd-stage oxidation process as pH <4.
Hence, the proposed procedure has great potential and can be prac-
tically implemented in industry. As the successful results show,
very high removals of TOC (~90%) resulting in BPA detoxication
were achieved to improve not only the worse mineralization of
single persulfate oxidation, but also to overcome the drawback of
traditional Fenton'’s reagents (pH; <4).
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