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ABSTRACT

The kinetic oxidation of antipyrine by activated persulfate oxidation was investigated. The
reaction kinetic rates under different temperature (T, 40–70˚C), initial persulfate concentration
([PS]0), and initial antipyrine concentration ([AP]0) were examined in batch experiments. The
results show that higher temperature, higher persulfate concentration, and lower initial antipy-
rine favored antipyrine degradation. A deep investigation into the reaction order obtained a
more accurate kinetics rate equation (�d[AP]/dt= 0.34 [PS]0 [AP]) with the limits of the experi-
mental conditions applied here. The removal of antipyrine in 120min was 54.3% at pH 4.5, and
antipyrine degradation at different pH followed the order: pH 4.5 >pH 11.0 >pH 7.0 >pH 9.5.
The persulfate disappearance fits pseudo-first-order kinetics well, the calculated disappearance
rate of persulfate (kobs-PS) was 2.33 ± 0.23� 10�4min�1 at 60˚C. Although 71.4% of initial
antipyrine was degraded at 60˚C, only 12.5% of initial antipyrine was mineralized. At last,
norantipyrine and 5-pyrazolidinone-3-methyl-1-phenyl were identified to be the degradation
products of antipyrine in heat activated persulfate system for the first time, and the
degradation pathway of antipyrine was also tentatively proposed.
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1. Introduction

The occurrence of pharmaceuticals and personal
care products (PPCPs) in natural water bodies has
been recognized as an emerging issue in environmen-
tal quality. Some PPCPs have been reported at a lg/L
range level [1–3]. As a result of their non-biodegrad-
ability, many PPCPs have been frequently detected in
raw water and finished water in drinking water
treatment plants, and secondary effluent in wastewa-
ter treatment plants [4,5]. Antipyrine (also known as
Phenazone, AP), a commonly used analgesic,

represents one of the most commonly identified
pharmaceuticals in the environment [6–8]. Antipyrine
is among the pharmaceuticals of highest environmen-
tal persistence [9], while the ecotoxicity of antipyrine
is still largely unknown. Basic physical and chemical
properties of antipyrine are shown in Table 1. Antipy-
rine appears to be very refractory during traditional
treatment. For example, only up to 30% of antipyrine
was accomplished in conventional wastewater
treatment plants [10]. And chlorination with a dose of
0.4mg/L chlorine only removed 48% of an initial
50 lg/L antipyrine in tap water [11].

*Corresponding author.

1944-3994/1944-3986 � 2013 Balaban Desalination Publications. All rights reserved.

Desalination and Water Treatment
www.deswater.com

doi: 10.1080/19443994.2013.848414

53 (2015) 263–271

January



In-situ chemical oxidation (ISCO) is becoming a
promising alternative for traditional environmental
remediation technologies. During ISCO, reactive
oxidizing agents such as permanganate, ozone, hydro-
gen peroxide, and persulfate salts are injected into
groundwater or soil for the purpose of rapid destruc-
tion of subsurface contaminants of concern. Among
the ISCO oxidants, persulfate (S2O

2�
8 , PS) has been

paid more and more attention to because sulfate
radicals (SO��

4 ), a much more powerful oxidant, may

be produced through activation of S2O
2�
8 using certain

methods such as ultraviolet (UV) light, metals, or heat,
as follows (Eqs. (1–3)) [12–16].

S2O
2�
8 þUV ! 2SO��

4 ð1Þ

S2O
2�
8 þMenþ ! 2SO��

4 þMeðnþ1Þþ þ SO2�
4 ð2Þ

S2O
2�
8 þ heat ! 2SO��

4 ð3Þ

However, UV or metal activation is highly
restricted, because UV cannot make an effective trans-
mission in a subsurface environment [17], and much
metal sludge will be produced after metal activation
to reduce local hydraulic conductivity [18]. Heat is the
most favored activation mode suitable for ISCO
[19,20]. Furthermore, a high temperature in injection
sites is more effective than UV or metal activation in
terms of production of SO��

4 , so that higher reaction
rates are accomplished, shorter reaction time is
required, and less chemical agents are needed [21–23].

The objective of this study was to characterize the
degradation of antipyrine in a heat activated persul-
fate system. Kinetics tests were conducted to study
the antipyrine degradation behaviors under different
persulfate doses, initial antipyrine concentrations, and
temperatures. Both decomposition and mineralization
of antipyrine were evaluated. Gas chromatography–
mass spectrometry–mass spectrometry (GC–MS–MS)
techniques were used to determine the antipyrine
oxidation products in water, thus revealing the
degradation pathway of antipyrine.

2. Experimental

2.1. Chemicals

All chemicals were at least analytical grade, except
as noted. All the solutions were prepared using the
ultrapure water produced from a Milli-Q Academic
water purification system. Antipyrine, methanol, and
n-hexane (Chromatograph grade, P99.9%) were
purchased from Sigma–Aldrich. Sodium persulfate
(Na2S2O8, purity P99.5%), ferrous ammonium sulfate
hexahydrate (Fe(NH4)2(SO4)2·6H2O, purity P99.7%),
ammonium thiocyanate (NH4SCN, purity P99.9%),
sodium bicarbonate (NaHCO3, purity P99.5%), and
sodium sulfite (Na2SO3, purity P99.9%) were
purchased from Sinopharm Chemical Reagent Co.,
China.

2.2. Experimental procedure

All the tests were conducted in 250-mL culture
bottles containing 200mL antipyrine solution. The
reactors were installed in a shaking bed with water
bath (SHZ-B immersion oscillator registration) that
could control the reaction temperature at a desirable
level. A rapid shaking ensured a complete solution
mixing state. Sodium persulfate stock solution
(0.05M) was prepared 30min prior to reaction in case
that persulfate decayed before use. The oxidation
reaction was initiated once appropriate volumes of
the persulfate stock solution were added to the
reactors. At each sampling time, 0.8mL sample was
collected and stored in 1.5mL sample bottles for
further sample analysis. The sample bottles were
pre-filled with 0.2mL ethanol that could quench the
oxidation caused by any residual persulfate. Another
20mL sample for total organic carbon (TOC) analysis
was collected in 40mL sample bottles that were
pre-filled with 20mL sodium sulfite (0.5M) to quench
any residual persulfate-induced oxidation. All the
tests were performed at least in triplicate. Symbols
and error bars in figures represent the mean values
and standard deviations of the data obtained,
respectively.

Table 1
Physical and chemical characteristics of AP

Name Molecular
structure

Formula Molecular
weight

Water solubility
g/L, 20˚C

logKow Density,
g/cm3

Melting
point, ˚C

Boiling
point, ˚C

Antipyrine C11H12N2O 188.23 1,000 0.38 1.07 110–113 319
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2.3. Chemical analysis

Antipyrine was measured using a high-perfor-
mance liquid chromatograph (HPLC) (Waters 2010,
USA) equipped with a Symmetry C18 column
(dimensions 250mm� 4.6mm, 5lm, Waters, USA)
and a UV detector (Waters 2489) set at 260 nm. The
mobile phase was a mixture of Milli-Q water and
HPLC-grade methanol (v:v = 20:80) at a flow rate of
0.8mL/min [24]. TOC was measured by a total organic
carbon analyzer (TOC-L, CPH CN200, Shimadzu). The
oxidation by-products were identified by GC (Thermo
Trace GC Ultra, USA)-MS/MS (Thermo TSQ Quantum
XLS, USA). The GC was equipped with a TR-5MS cap-
illary column 30m� 0.25mm� 25lm. The carrier gas
was high purity helium (>99.999%, Chunyu Corp.,
China) at a pressure of 90 kPa. The injection port was
operated at a splitless mode with a controlled tempera-
ture of250˚C. The oven temperature program was ini-
tially set at 50˚C for 1min, then increased at a rate of
10–250˚C/min, and finally maintained at 250˚C for
5min. The MS/MS parameters were determined using
the method reported in a previous study [11]. Persul-
fate concentration was measured using a UV–Vis
spectrophotometer (HACH DR5000) equipped with
quartz cuvettes of 1 cm light path [25]. Statistical
analysis was performed using Origin 8.0. Linear
regressions were performed to determine the first-
order rate constants for the antipyrine degradation.

3. Results and discussion

3.1. Kinetic parameters

Fig. 1 presents the antipyrine degradation with
time in the presence of persulfate under different
temperatures (30–70˚C). The results show that antipy-
rine degradation was highly temperature dependent.
Generally, higher temperature activation led to faster
antipyrine degradation. Complete removal was
observed at 40min when the reaction carried out at
70˚C. At 30˚C, the degradation of antipyrine was
almost marginal, thus suggesting that persulfate alone
without activation can hardly oxidize antipyrine in
2 h. When the reaction temperature was increased
over 40˚C, the antipyrine degradation was significant.
At 40�70˚C, the degradation kinetics experimental
data well follow pseudo-first-order reaction pattern
(R2 > 0.95). Therefore, the overall rate law for the anti-
pyrine degradation can be expressed as Eq. (4):

�d½AP�=dt ¼ kobs½AP� ð4Þ

where kobs is the pseudo-first-order rate constant, and
[AP] is the mole concentration of antipyrine at any

specific time. For an initial antipyrine concentration of
0.0265mM, the pseudo-first-order rate constants were
0.0005, 0.0027, 0.0092, and 0.0584min�1 when the
temperature was 40, 50, 60, and 70˚C, respectively.

As shown in the inset of Fig. 1, the pseudo-first-
order rate constants and corresponding reaction
temperatures well fit the Arrhenius equation
(R2 = 0.99, Eq. (5)).

ln kobs ¼ lnA� Ea=RT ð5Þ

where A is the frequency factor, Ea is the activation
energy, R is the universal gas constant (8.314 J/molK),
and T is the absolute temperature (K). The calculated
Arrhenius constant A was approximately 8.93
± 0.67� 1019 min�1, and the activation energy Ea was
139.5 ± 9.7 kJ/mol. The estimated Ea was slightly lower
than the one reported by Ghauch and Tuqan [26,27]
during the degradation of ibuprofen by heat-activated
persulfate oxidation (Ea = 168.4 ± 9.5 kJ/mol), but
greater than the degradation of bisoprolol (Ea = 119.4
± 10.8 kJ/mol).

3.2. Effect of the persulfate dose

Effect of the persulfate dose on the degradation
kinetics of antipyrine is shown in Fig. 2. The different
persulfate doses were achieved by fixing the initial
antipyrine concentration ([AP]0) at 0.0265mM and
adding persulfate at different doses ([PS]0) of 0, 0.27,
1.06, 1.86, and 2.65mM at 60˚C. The temperature of
60˚C in all kinetics study was selected because the

Fig. 1. Pesudo-first-order disappearance of antipyrine at
different temperatures. Inset: plot of ln kobs vs 1/T for Ea

estimation using the Arrhenius equation. Experimental
conditions: initial pH=7.1, unbuffered; [Antipyrine]0 =
0.0265mM; [Na2S2O8]0 = 1.855mM. [Na2S2O8]0/
[Antipyrine]0 = 70:1.
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removal of antipyrine by heat activated persulfate
system at 60˚C was 73% at 2 h, the oxidation rate and
removal are suitable for studying the degradation
product and effect of concentration. For any particular
persulfate dose, the antipyrine degradation followed a
first-order reaction pattern. Therefore, the antipyrine
degradation rate could be written as Eq. (4). With the
increase of [PS]0:[AP]0 from 0:1 to 100:1, the observed
constant (kobs) was increased from 0 to 0.88min�1.
Furthermore, kobs exhibited a linear relationship with
[PS]0 with a slope of 0.34 (R2 = 0.99). Therefore, kobs
could be expressed as a function of [PS]0, as Eq. (6).

Kobs ¼ 0:34 ½PS�0 ð6Þ

Therefore, Eq. (6) can be re-written as Eq. (7).

�d½AP�=dt ¼ 0:34 ½PS�0½AP� ð7Þ

Similar results were reported for heat-activated
persulfate oxidation of diuron [17] and methyl
tert-butyl ether (MTBE) [28], with their respective
degradation rate equations of �d[Diuron]/dt= 0.69
[PS]0 [Diuron] and �d[MTBE]/dt= 3.67 [PS]0 [MTBE].

3.3. Effect of initial antipyrine concentration

Effect of the initial antipyrine concentration on
heat-activated persulfate oxidation of antipyrine is
presented in Fig. 3. All the tests were run at a fixed
persulfate dose of 1.86mM. Under different [AP]0:
[PS]0 (0.2:70–2:70), the decomposition exhibited
pseudo-first-order kinetics behaviors well (R2P 0.99).

Typically, higher initial antipyrine concentrations led
to slower antipyrine degradation. This because that
the amount of sulfate radicals generated was constant
at a fixed persulfate dose and under certain
conditions. The fraction of antipyrine decomposed by
sulfate radicals was less at a high [AP]0 than at a low
one. When the initial antipyrine increased from 0.005
to 0.053mM, the pseudo-first-order rate constants
(kobs) decreased from 4.22 to 0.33min�1. The pseudo-
first-order rate constant (kobs) herein was greater than
those in hydroxyl radical-induced oxidation of
antipyrine. Klamerth et al. [29] observed the kobs of
0.007min�1 using a UV/H2O2 system at a H2O2 dose
of 0.147 lM and an initial antipyrine 0.53lM.
Garcia et al. [30] reported the kobs of 0.022min�1 in a
UV/TiO2 system with TiO2 = 0.062mM and an initial
antipyrine concentration of 0.53lM.

3.4. Effect of pH

The effect of solution pH (4.5�11.0) on antipyrine
degradation in heat-activated persulfate system is
shown in Fig. 4. The removal of antipyrine in 120min
was 54.3% at pH 4.5, and it decreased to 39.4% when
pH increased to pH 7.0, then further decreased to
35.8% when pH was 9.5, which was the lowest
removal in selected pH ranges. However, about 54.8%
of initial antipyrine was degraded at pH 11.0, which
was the highest removal in the experimental pH
range. The removal of antipyrine at acid pH was
caused by the generated SO�

4 by heat activated
persulfate according to Eq. (3). While, the removal of
antipyrine decreased as pH increased from 4.5 to 9.5.

Fig. 2. Pesudo-first-order disappearance of antipyrine at
different persulfate dosage. Inset: plot of kobs vs persulfate
dosage. Experimental conditions: unbuffered;
[antipyrine]0 = 0.0265mM; [Na2S2O8]0 = 0.00–2.650mM;
T= 60˚C.

Fig. 3. Pesudo-first-order disappearance of antipyrine at
different initial antipyrine concentration. Inset: plot of kobs
vs antipyrine concentration. Experimental conditions:
unbuffered; [AP]0 = 0.005–0.053mM; [Na2S2O8]0 = 1.86 mM;
T= 60˚C.
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This result was mostly caused by the alkalinity effect
in system when pH increased because the culture
bottles in our study were open to the air. The alkalin-
ity in system increased as pH increased because the
CO2 in air and produced from mineralization would

transform to CO2�
3 or HCO�

3 . And CO2�
3 or HCO�

3 are

well-known radical scavengers that could compete
with antipyrine for radicals produced in system as
follows [31] (Eq. (8–10)):

SO��
4 þHCO�

3 $ SO2�
4 þHCO�

3 ð8Þ

SO��
4 þ CO2�

3 $ SO2�
4 þ CO��

3 ð9Þ

SO��
4 þOH� ! SO2�

4 þOH� ð10Þ

Similar finding was also reported by Deng and
Ezyske [32] who applied the sulfate radical-advanced
oxidation process for treatment of landfill leachate,
they reported 37 and 25% COD removal at pH 4.5
and 7.0, respectively, because the alkalinity in system
increased. On the other hand, as pH increased to pH
11.0, great amount of OH� in solution could activate
SO�

4 to OH�. The OH� was more powerful to degrade
antipyrine, resulting in obvious increase of degrada-
tion efficiency.

3.5. Persulfate decay and antipyrine mineralization

The longevity of persulfate is critically important
in practice, because certain time is needed for
persulfate to transport from an injection well to a
contamination zone during ISCO. The persulfate

decay at 60˚C is shown in Fig. 5. The persulfate
concentration gradually dropped from 1.89 (450) to
1.83mM (435 ppm) within the first 2 h. The persulfate
decay well fit with the first pseudo-first-order kinetics
model with an observed rate constant of 2.33
(±0.23)� 10�4min�1. This finding was in accordance
with previous studies [33,34] that tested the decay rate
of persulfate at 60˚C. Kolthoff et al. found the persul-
fate decay rate constant at 3.0� 10�4min�1 in the
presence of 0.1M NaOH. This slightly greater rate
constant might be because NaOH in their study acted
as an additional activator to produce excess sulfate
radical [35]. Johnson et al. determined a similar kobs-PS
of 2.7� 10�4min�1 in deionized water.

Antipyrine mineralization was expressed as TOC
reduction. Accompanied with the persulfate decay,
TOC was also reduced with time, as shown in Fig. 5.
After 120min reaction, the initial TOC of 3.91
decreased to 3.42 ppm, corresponding to a 12.5%
overall mineralization. This finding, together with
the results reported above, indicate that in this study
(60˚C, [PS]0/[AP]0 = 70:1, [AP]0 = 0.0265mM), approxi-
mately 71.4% of initial antipyrine (see from Fig. 1)
could be degraded, while only 12.5% of the initial
antipyrine could be mineralized within 120min.

3.6. Degradation pathways of antipyrine supposed

Antipyrine has been broadly used as antitumor
[36], antimicrobial [37,38], analgesic [39], or antican-
cer drugs [40]. Its metabolites in human or animal
bodies have been reported in numerous studies [41–
43]. In most cases, antipyrine is metabolized by
microbial organisms into four major metabolites,

Fig. 5. Persulfate and TOC disappearance vs. time. Inset:
plot of ln kobs-PS vs time. Experimental conditions:
unbuffered; [AP]0 = 0.0265mM; [Na2S2O8]0 = 1.86mM;
T= 60˚C.

Fig. 4. Removal of antipyrine at different buffered pH.
Experimental conditions: buffered; [AP]0 = 0.0265mM;
[Na2S2O8]0 = 1.86mM; T= 60˚C.
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i.e. 3-hydroxyl-methylantipyrine (HMA), 4-hydroxy-
antipyrine (OHA), 4,4’-dihydroxyantipyrine (DOHA),
and norantipyrine (NORA). However, about the

knowledge on the degradation products of antipyrine
during ISCO is limited. In this study, GC–MS–MS
showed that none of HMA, OHA, and DOHA was

Fig. 6. The chromatograph obtained in test. Experimental conditions: [AP]0 = 0.0265mM; [Na2S2O8]0 = 1.86mM; T= 60˚C.
(a) The total ionic chromatograph at 0min. (b) The total ionic chromatograph at 60min. (c) The total ionic chromatograph
at 120min. (d) The mass spectrum of Pt searched from the main lib in GC–MSMS. (e) The comparison between mass
spectrum obtained in our study at 20.71min in (c) and mass spectrum of Pt from main lib searched by the main lib in
GC–MSMS.
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identified (Fig. 6). Instead, C10H10N2O (m/z= 174, it
is likely to be NORA) and C10H12N2O (m/z= 176, it
is likely to be Pt, 3-pyrazolidinone-4-methyl-1-phenyl)
were largely detected. However, the structure of Pt

was obviously not corresponding with the structure
of antipyrine. Because the C=O band, which was
much stable in reaction, was not at its original posi-
tion. The correct position for C=O should be at C5

position, while its position in Pt was at C3 position.
From the structure of AP, NORA, and Pt, we

proposed P1 (P1, m/z= 176, 5-pyrazolidinone-3-
methyl-1-phenyl), a geometric isomer of Pt, to be
the degradation product of AP. Based on the results

of the GC–MS–MS, the degradation pathway of anti-
pyrine is proposed in Fig. 7. Antipyrine was firstly
degraded to be NORA, and further decomposed into
P1 (m/z= 176, 5-pyrazolidinone-3-methyl-1-phenyl), a
geometric isomer of Pt. In the first step, NORA was
formed via direct elimination of the methyl radical
located at N2 instead of C3. In a similar study, Deng
et al. [44] found that the appearance energies for
elimination of methyl radical from N2 position and
from C3 position were 9.59 and 12.42 eV, respec-
tively. In the following step, further degradation
would occur by opening the double bond between
C3 and C4 to transform into P1.

Fig. 6. (Continued)
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4. Conclusions

In this study, kinetics tests were conducted to
study heat-activated persulfate oxidation of AP, and
GC–MS–MS analysis further revealed the antipyrine
degradation pathway. Results show that the sulfate
radical-based advanced oxidation could adequately
degrade antipyrine in water within a relatively short
time, thus implying that the heat-activated persulfate
is a potential method to control AP-induced water
pollution. However, the antipyrine mineralization
was insignificant, thus indicating that the intermedi-
ate and final oxidation products of antipyrine were
recalcitrant to sulfate radical oxidation.
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