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a b s t r a c t

Ti(III) reduction of perchlorate might be a useful method for the treatment of highly perchlorate-
contaminated water. Though the reaction rate was usually low, we observed that �-alanine
(HOOCCH2CH2NH2) could significantly promote the reaction. A complete (>99.9%) perchlorate removal
was obtained in a solution containing [ClO4

−] = 1.0 mM, [Ti(III)] = 40 mM, and [�-alanine] = 120 mM after
2.5 h of reaction under 50 ◦C. The effects of both pH and complex formation on the reaction were then
studied. The results showed that without �-alanine the optimal pH was 2.3. When pH increased from
1.6 to 2.3, the reduction rate increased remarkably. In the pH range >2.3, however, the reduction was
significantly inhibited, attributed to the formation of Ti(III) precipitate. The presence of �-alanine at a
erchlorate

i(III)
-Alanine
omplexation

molar ratio of [�-alanine]:[Ti(III)] = 3:1 significantly increased the reduction rate of perchlorate even at
near neutral pH. This is because �-alanine formed complexes with Ti(III), which greatly improved the
total soluble [Ti(III)] in the pH range between 3.5 and 6. The findings may lead to the development of
rapid treatment methods for intermittent and small stream of highly perchlorate-contaminated water,
which are resulted from the manufacturing, storage, handling, use and/or disposal of large quantities of

perchlorate salts.

. Introduction

Perchlorate has been widely and increasingly found in ground
nd surface water. It was estimated that the perchlorate-
ontaminated water is present in at least 37 US states [1].
he perchlorate-contaminated water falls into two categories
Table S1 in the Supplemental Material): (i) the water with low
erchlorate levels (�g/L range), and (ii) the water with high lev-
ls of perchlorate (mg/L range). The former is partially associated
ith migratory plume of highly perchlorate-contaminated water

hrough geochemical processes [2]. The latter is the direct result
f manufacturing, storage, handling, use and/or disposal of large
uantities of perchlorate salts in at least 43 states in the US [3].

Proper disposal of perchlorate-contaminated water is impor-

ant and necessary since perchlorate affects thyroid hormone
unction by inhibiting the uptake of iodide anion into the thy-
oid gland [4]. A variety of physicochemical technologies, such
s anion exchange, activated carbon adsorption, reverse osmosis,

∗ Corresponding author. Tel.: +1 201 216 8014; fax: +1 201 216 8303.
E-mail address: xmeng@stevens.edu (X. Meng).

1 Present address: Department of Plant and Soil Sciences, University of Delaware,
ewark, DE 19716, USA.

304-3894/$ – see front matter © 2009 Elsevier B.V. All rights reserved.
oi:10.1016/j.jhazmat.2009.09.143
© 2009 Elsevier B.V. All rights reserved.

ultrafiltration, nanofiltration, and electrodialysis [5–13], have been
developed for treating perchlorate-contaminated water. These
techniques, however, are not economical for highly perchlorate-
contaminated water treatment. Moreover, they cannot convert
perchlorate into non-hazardous chloride. A subsequent procedure
involving high-temperature (around 100 ◦C or even higher) is usu-
ally required to chemically destruct the concentrated perchlorate
[7,14–16]. Meanwhile, biological approaches for reducing per-
chlorate to chloride have been proven effective and economically
attractive [17]. Nevertheless, because biological treatment systems
can be especially sensitive to the incoming water chemistry (e.g.,
redox potential and carbon-limitation), require closer supervision,
and cannot be operated intermittently [15,18], biological methods
may not be the optimal options.

Development of chemical perchlorate reduction techniques is
thus necessary. Previously, quite a few chemical reduction meth-
ods [14,15,18–26] have been reported. For example, Hurley and
Shapley [15] developed a heterogeneous ReO/Pd/C catalyst to
promote the perchlorate reduction by H2 under mildly acidic

conditions and under room temperature. In this study, we inves-
tigated the approach of perchlorate reduction by Ti(III) since
titanium is cheap and environmentally benign [27]. Alternatively,
the method might be useful in some cases. Moreover, reports
showed that perchlorate could be reduced to chloride [27–30]

http://www.sciencedirect.com/science/journal/03043894
http://www.elsevier.com/locate/jhazmat
mailto:xmeng@stevens.edu
dx.doi.org/10.1016/j.jhazmat.2009.09.143
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uring the oxidation of Ti(III) to the Ti(IV) species or the TiO2 pre-
ipitates [22]. Though the rate of Ti(III) reduction of perchlorate
as usually low, two synthesized macrocyclic ligands, 6-

mino-6-(4-aminobenzyl)-1,4,8,11-tetraazacyclotetradecane and
,4,8,11-tetraazacyclotetradecane, could catalytically promote the
i(III) reduction of perchlorate [31]. We therefore investigated
ome relatively simple and common ligands, which were expected
o enhance the Ti(III) reduction of perchlorate. Our trial experi-

ental results showed that �-alanine (HOOCCH2CH2NH2) greatly
mproved the Ti(III) reduction of perchlorate among six tested
igands (Fig. S1 and Table S2 in the Supplemental Material). The
urpose of this paper was thus to: (1) evaluate the kinetics of Ti(III)
eduction of perchlorate in the presence and absence of �-alanine;
2) investigate the mechanism of enhanced perchlorate reduction
hat was caused by �-alanine, through the evaluation of pH effect,
omplex formation, and �-alanine effect.

. Materials and methods

.1. Chemicals

High purity DI (De-ionized) water with a resistivity of
8.2 M� cm was prepared using a Millipore filtering system. TiCl3
99.99% pure) powder and �-alanine (COOHCH2CH2NH2) (>99%
ure) were purchased from the Sigma–Aldrich. Trace metal grade
2 M concentrated HCl, and ACS grade solid NaClO4·H2O and NaOH
ere purchased from the Fisher Scientific. Argon gas (99.985% pure)

nd oxygen-free nitrogen were supplied by the AGL Welding Sup-
ly Company.

.2. Solution preparation

DI water used was de-aerated by vigorously purging with
xygen-free nitrogen for >30 min. The 400 mM Ti(III) stock solu-
ion was prepared before use by dissolving the TiCl3 powder with
I water in a Protector glove box (Labconco Corporation). The glove
ox was filled with about 101.3 kPa argon gas. The stock solutions
f 10 mM ClO4

−, 0.5 M NaOH, and 4.0 M �-alanine were made by
issolving NaClO4·H2O, NaOH, and COOHCH2CH2NH2 solids with
I water in the glove box, respectively. The 0.5 M HCl stock solu-

ion was prepared by diluting the 12 M HCl outside the glove box. It
as then vigorously purged with oxygen-free nitrogen for >30 min,

ealed, transferred, and stored in the glove box.
The test solution was prepared in the glove box at room temper-

ture. It was made by quickly adding the calculated volumes of DI
ater and stock solution(s) into a 1.5–1.7 mL polypropylene micro-

entrifuge tube (Fisher Scientific) (please refer to Supplemental
able S3 for some examples). The tube was then capped with the
ocking lid and wrapped with Parafilm (Fisher Scientific). The test
olution with a volume of 1.5 mL commonly contained 0–40 mM
i(III) and 0–400 mM �-alanine with various initial pH values. It
as prepared in the absence of perchlorate unless noted otherwise,

nd was used for the following experiments.

.3. Batch kinetic experiments

The microcentrifuge tubes containing the desired test solu-
ions (1.0 mM perchlorate present) were transferred to a preheated
50 ± 0.5 ◦C) oven without stirring. After every specific reaction
ime one tube was removed from the oven and was placed in an ice-

ater bath for about 1 min. The tube was then centrifuged for 3 min

t a speed of 10,000 rpm (rotations per min) in an IEC/Micromax
entrifuge (International Equipment Company). The 500 �L clear
upernatant was sampled for the immediate measurement of resid-
al ClO4

− using a Dionex ion chromatography (IC) in a Model IC25.
Materials 175 (2010) 159–164

The final pH of the reacted solutions was measured with a 920Aplus
advanced ISE/pH/mV/ORP meter (Thermo Orion).

The above used Dionex IC25 was equipped with an EG40 elu-
ent generator, a 1.0 mL sample loop, a set of 4 mm × 250 mm AS16
and AG16 columns, and a 4-mm ASRS Ultra II suppressor. The sup-
pressor current used was 100 mA. The eluent concentration was
set to 50 mM (KOH). The sample injection volume was in the range
from 25 to 200 �L. To minimize matrix effects, standard solutions
used for perchlorate analysis were prepared in solutions with sim-
ilar chemical composition as in the samples. The detection limit for
perchlorate analysis was 1 �M.

2.4. Ti(III) solubility measurement

Once the test solutions were prepared, the microcentrifuge
tubes containing the solutions were rigorously shaken 10 times by
hand. Before centrifugation they were placed at room temperature
for 7 min. The tubes were then centrifuged for 3 min at a speed of
10,000 rpm. The 500 �L supernatant in each tube was withdrawn
and properly diluted with acidified (0.1% HNO3) DI water. The solu-
ble Ti(III) concentration was measured with an Inductively Coupled
Plasma-Optical Emission Spectrometer (Varian VISTA-MPX ICP-
OES). The final pH of the solution was measured.

2.5. UV–visible spectrophotometric measurements

UV–visible spectrophotometric measurements were used to
determine the formation of Ti(III) and �-alanine complexes. Briefly,
the microcentrifuge tubes containing the desired test solutions
were rigorously shaken by hand. The tubes were placed at room
temperature for 10 min. The 1.5 mL solution in each tube was trans-
ferred to a 1.0 cm cuvette, for the spectrophotometric measurement
using a Hewlett-Packard HP 8952A Diode-Array Spectrophotome-
ter.

3. Results and discussion

3.1. Rapid perchlorate reduction kinetics in the presence of
ˇ-alanine

The kinetics of Ti(III) reduction of perchlorate in the presence
and absence of �-alanine were tested. The kinetics of direct per-
chlorate reduction by �-alanine was also evaluated as a control
experiment. The measured kinetic data were processed using lin-
ear regression according to Eq. (2), which is obtained from the
pseudo-first-order equation (Eq. (1)) by integration. The obtained
rate constant, k, was used to calculate the perchlorate reduc-
tion half-life, t1/2, defined by Eq. (3). The final linear plots of
ln([ClO4

−]/[ClO4
−]0) vs t with the parameters of k and t1/2 are

shown in Fig. 1. It should be noted that the zero subscripts through-
out this paper denote initial concentrations.

d[ClO4
−]

dt
= −k[ClO4

−] (1)

ln
[ClO4

−]
[ClO4

−]0
= −kt (2)

t1/2 = ln 2
k

(3)

Fig. 1 shows that for the solution containing [ClO4
−] = 1.0 mM

and [Ti(III)] = 40 mM, k was 0.16 h−1 (R2 = 0.98) and t1/2 = 4.33 h.

When �-alanine coexisted with Ti(III) and perchlorate, the k value
increased to 1.08 h−1 (R2 = 0.97) and the half-life for perchlorate
reduction decreased to 0.64 h. This was a significant decrease
of perchlorate half-life, approximately a factor of 7 decrease. It
made the reaction sufficiently rapid to accomplish a complete
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(HO)Ti(OH2)5
2+ in Eq. (4) is the predominant Ti(III) species in a

freshly prepared TiCl3 solution [32]. The detection of an absorption
peak at about 480 nm for the TiCl3 solution proved the presence
of (HO)Ti(OH2)5

2+ species (Fig. S3a, Table 1). TiO2 precipitate is

Table 1
Summary of the pronounced UV–visible absorption of the various Ti(III) complexa-
tion species.

Prominent Ti(III) complexes Pronounced absorption
wavelength (nm)

References

[Ti(OH2)6]3+ 500–504 [33–35]
[(HO)Ti(OH2)5]2+ 480–485 [32,36]
TiOTiOH3+a 700 [32]
Ti(C2O4)+ 380 [37]
Ti(C2O4)2

− 390 [33]
TiAc2+ 270 [38]
Ti(ClAc)2+ 270 [38]
Ti(Cl2Ac)2+ 290 [38]
ig. 1. Kinetics of perchlorate reduction in �-alanine, Ti(III), and the mixed systems
nder 50 ◦C, [ClO4

−]0 = 1.0 mM.

erchlorate removal (>99.9%) after 2.5 h of reaction under 50 ◦C
data not shown). The temperature 50 ◦C was used here and
hroughout this study since under 32 ◦C and with [ClO4

−] = 1.0 mM,
Ti(III)] = 40 mM, and [�-alanine] = 120 mM, the reaction was not
apid sufficiently and a complete (99.9%) removal of perchlorate
as not achieved after 24 h (data not shown).

Fig. 1 also shows that for the solution containing
ClO4

−] = 1.0 mM and [�-alanine] = 120 mM, k was 0.005 h−1

R2 = 0.25) and t1/2 = 139 h. The high t1/2 value suggests that the
irect perchlorate reduction by �-alanine was a very slow process.
ccordingly, the amount of perchlorate reduced by �-alanine was
egligible during the experimental time period. The enhanced
i(III) reduction of perchlorate caused by �-alanine could thus
e attributed to two possible reasons. The first one was that
he increase of pH from 1.7 to 2.8 caused by the addition of
-alanine possibly promoted the Ti(III) reduction of perchlorate.
he second was that the complex formation between Ti(III) and
-alanine probably promoted the perchlorate reduction. These two
ypotheses were investigated and are discussed in the subsequent
ections.

.2. pH effect on the Ti(III) reduction of perchlorate

The effect of pH on the kinetics of Ti(III) reduction of per-
hlorate was studied in a pH range from 1.6 to 6.2. The plots of
n([ClO4

−]/[ClO4
−]0) vs t and t1/2 against pH are shown in Fig. 2a

nd b, respectively. It should be noted that the pH in Fig. 2a and b
ere the final values. The change of pH in each process can be seen

n Fig. S2 in the Supplemental Material.
Fig. 2a shows that the plots of ln([ClO4

−]/[ClO4
−]0) vs t at vari-

us pH values were linear (R2 > 0.88), indicating that the kinetics of
erchlorate reduction was pseudo-first-order. Fig. 2b demonstrates
hat the t1/2 values were significantly different at various pH values
ith a minimum at pH 2.3. In the pH range from 1.6 to 2.3, the t1/2

alue decreased from 4.44 to 0.37 h, decreasing by a factor of about
2. In the pH range from 2.3 to 6.2, the t1/2 value increased from
.37 to 4.00 h, an increase of about a factor of 11.

The climbing t1/2 value with increasing pH from 2.3 to 6.2
ndicates that the reaction was inhibited at higher pH. This was
ttributed to the dramatic formation of Ti(III) precipitation. When
H increased from 2.3 to 6.2, lots of black precipitate, which was

robably Ti(OH)3 (Pecsok and Fletcher [32]), was quickly formed.
he quick formation of Ti(III) precipitation with the ascending pH
esulted in a significant decrease in soluble [Ti(III)], and the conse-
uent inhibition of Ti(III) reduction of perchlorate.
Fig. 2. pH effect on the kinetics of Ti(III) reduction of perchlorate, 50 ◦C,
[ClO4

−]0 = 1.0 mM, [Ti(III)] = 40 mM, and [�-alanine] = 0 mM. (a) Linear plot of
ln([ClO4

−]/[ClO4
−]0) vs t at various pHs. (b) Plot of t1/2 against final pH.

The significantly decreasing t1/2 value with increasing pH from
1.6 to 2.3 indicated that the rate of Ti(III) reduction of perchlorate
increased with the rising pH (or [OH−]). Such a positive dependence
on [OH−] might be partially explained by the reaction pathway
proposed as follows:

8(HO)Ti(OH2)5
2+ + ClO4

− = 8TiO2 + Cl− + 16H+ + 36H2O (4)
Ti(III)(Hedta) 550 [39]
Ti(III)-(ethanol) 400 [27]
Ti(III)-(�-alanine) 370 This paper

a Polynuclear Ti(III) species.
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Table 2
Summary of [H+] effect on the kinetics of Ti(III) reduction of perchlorate.a.

Reactants [H+] (M) [Ti(III)] (M) [ClO4
−] (M) �b (M) T (◦C) [H+] dependencec References

Ti(III), ClO4
− 0.065–0.42 0.9 × 10−2 Excessd 4.40 25 Positive [31]

Ti(III), ClO4
− 0.23–1.00 1.5 × 10−2 0.5 2.00 40 Positive [28]

Ti(III), ClO4
− 0.10–0.60 (0.5–1.0) × 10−2 1.0 1.00 25 Positive [29]

Ti(III), ClO4
− <0.006 4.0 × 10−2 1.0 × 10−3 <0.15 50 Positive This study

Ti(III), ClO4
− 0.006–0.025 4.0 × 10−2 1.0 × 10−3 <0.15 50 Negative This study
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employed, the absorption spectrum at about 370 nm region was
too strong and not smooth (Fig. S3b in the Supplemental Material).
There was no peak at about 370 nm for the solution with [Ti(III)]:[�-
alanine] = 1:3 (Fig. 3b). The reason is that the concentration of
formed complexes was too low at [Ti(III)] = 5 mM. When [Ti(III)]
a Only the Ti(III) reduction of perchlorate in the absence of organic ligands is sum
b “�” denotes the ionic strength.
c “positive” means the reaction rate rose with the increasing [H+], “negative” rep
d The exact concentration range is unknown.

he main oxidation product of Ti(III) [22] because lots of white
recipitation was nearly always observed in the reacted solutions.
he white precipitate might also be Ti(OH)4, but in either case the
eaction contributes to proton production. Cl− is the main ultimate
eduction product of perchlorate [27–30] since Ti(III) was in large
xcess (about 5-fold of perchlorate) in the solutions. However, Cl−

as not monitored in the present study. This is because the high
nitial [Cl−] (∼ 120 mM), which was caused by the dissolution of
0 mM TiCl3, masked the small change of [Cl−] (<1.0 mM). In addi-
ion, chlorate (ClO3

−), chlorite (ClO2
−), and hypochlorite (ClO−)

re three possible degradation intermediates. Their concentrations
ere not measured, either, because the high [Cl−] (∼ 120 mM) in

he reacted solutions significantly interfered with the IC analysis of
hese compounds. Nevertheless, they might be negligible since they
ave great reactivity and are readily reduced to Cl− [14,16,18,26].
verall, the reaction pathway in Eq. (4) predicts that protons are
roduced during the reactions. This prediction was consistent with
he observed pH decrease in the experiments (Fig. S2 in the Sup-
lemental Material). From a thermodynamic perspective and Eq.
4), high pH or [OH−] favors the reduction of perchlorate by soluble
i(III).

The effect of pH on the kinetics of Ti(III) reduction of perchlo-
ate has been studied in several papers. The literature results are
ummarized in Table 2. These results indicated that the reduction
ate of perchlorate increased with increasing acidity in a [H+] range
rom 0.065 to 1.00 M, or correspondingly with decreasing pH from
bout 1.2 to 0. Therefore, it was generally considered that an acidic
ondition enhanced the Ti(III) reduction of perchlorate. The results
n Fig. 2, however, show that in a higher pH range from 1.6 to 2.3
he effect of pH on Ti(III) reduction of perchlorate was different
Table 2).

.3. Complex formation between Ti(III) and ˇ-alanine

The effect of �-alanine on the solubility of Ti(III) is illustrated in
ig. 3a. At pH < 2.3 and without �-alanine, all Ti(III) was in a solu-
le form in a solution containing total [Ti(III)] = 40 mM. The amount
f soluble Ti(III) decreased dramatically to less than 10% when the
H increased to 4.0. The addition of �-alanine obviously increased
he Ti(III) solubility at the same pH. When the �-alanine concen-
ration was 120 and 400 mM and the pH 4.0, the amount of soluble
i(III) increased to about 73% and 98%, respectively. This behavior
ypically indicated the formation of soluble Ti(III) and �-alanine
omplexes.

The formation of Ti(III) and �-alanine complexes was fur-
her determined with spectrophotometric analysis. Various Ti(III)
omplexation species demonstrate different UV–visible absorption
eaks as summarized in Table 1. In this study we observed that

new absorption peak at 370 nm appeared after �-alanine was

dded to the Ti(III) solutions (Fig. 3b). This absorption peak indi-
ated the formation of Ti(III) and �-alanine complexes because
-alanine did not have a peak at such a position (data not shown). To
e noted is that a broad absorption peak at about 700 nm was also
ed in this table.

s that the rate decreased with the increasing [H+].

observed (Fig. 3b). It was attributed to the formation of a polynu-
clear titanium species, TiOTiOH3+, with the increasing pH caused
by the continuous addition of �-alanine (Fig. 3b, Table 1). Such a
phenomenon of TiOTiOH3+ formation with the increasing pH has
been spectrophotometrically demonstrated at 700 nm by Pecsok
and Fletcher [32]. The total [Ti(III)] used in the spectrophotomet-
ric measurements was 5 mM. This is because, if high [Ti(III)] was
Fig. 3. Evidences of complex formation between Ti(III) and �-alanine, no per-
chlorate present. (a) Plot of soluble Ti(III) percent against pH under various
[Ti(III)]:[�-alanine] molar ratio, [Ti(III)] = 40 mM. (b) UV-visible spectra with vari-
ous [Ti(III)]:[�-alanine], the ratio decreased from 1:0 (bottom line) to 1:10 (top),
[Ti(III)] = 5 mM.
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Fig. 5. Demonstration of �-alanine enhanced perchlorate reduction in the pH range
◦ −
ig. 4. �-Alanine effect on the Ti(III) reduction of perchlorate, pH 4.0, 50 ◦C,
ClO4

−]0 = 1.0 mM, and [Ti(III)] = 40 mM. (a) Linear plot of ln([ClO4
−]/[ClO4

−]0) vs
under various [Ti(III)]:[�-alanine]. (b) Plot of t1/2 against [�-alanine]:[Ti(III)].

ncreased to 10 mM and at the same [Ti(III)]:[�-alanine] ratio, the
eak at 370 nm showed (Fig. S3b in the Supplemental Material).

The formation of Ti(III) and �-alanine complexes is quite rapid.
he addition of 60 mM �-alanine to a solution containing 20 mM
i(III) led to a sudden change in color from pink to green. When
he reaction time increased from 5 to 60 min, the intensity of
bsorbance at 370 nm increased less than 8% for the solution
ith [Ti(III)] = 5 mM and [�-alanine] = 30 mM (data not shown). The

esults indicated that the majority of complexation was completed
ithin 5 min. Chaudhuri and Diebler [40] studied the complexa-

ion kinetics between Ti(III) and other ligands, such as CH3CO2
−,

C2O4
−, and CH3CO2H. Their results also indicated rapid formation

f the complexes.

.4. ˇ-Alanine effect on the Ti(III) reduction of perchlorate

The kinetics of Ti(III) reduction of perchlorate at different [�-
lanine]:[Ti(III)] ratios was studied at pH 4.0. Fig. 4a shows a linear
orrelation between ln([ClO4

−]/[ClO4
−]0) and t (R2 > 0.94 except

2 = 0.83 at the ratio 10), indicating that the perchlorate reduc-

ion kinetics was still pseudo-first-order. Fig. 4b shows that the t1/2
alues were significantly different at various [�-alanine]:[Ti(III)]
atios, with a minimum at the ratio around 3. The t1/2 value
ecreased from 1.90 to 0.17 h with the rising [�-alanine]:[Ti(III)]
atio from 0 to 3, by a factor of about 11. This was mainly because
from 2.7 to 6.1, 50 C, [ClO4 ]0 = 1.0 mM, and [Ti(III)] = 40 mM. (a) Linear plot of
ln([ClO4

−]/[ClO4
−]0) vs t, [Ti(III)]:[�-alanine] = 1:3. (b) Plot of t1/2 and Ti(III) solu-

bility against the final pH in the presence ([Ti(III)]:[�-alanine] = 1:3) and absence
([Ti(III)]:[�-alanine] = 1:0) of �-alanine.

the presence of �-alanine increased the soluble [Ti(III)] at pH 4.0
(Fig. 3a). By contrast, the t1/2 value increased from 0.17 to 1.35 h
with a further increase in [�-alanine]:[Ti(III)] ratio from 3 to 10,
suggesting that the perchlorate reduction kinetics was hindered
at high ligand to Ti(III) ratios. Excessive addition of �-alanine is,
therefore, not necessary and unfavorable. In this case, the optimal
[�-alanine]:[Ti(III)] ratio was about 3.

The kinetics of Ti(III) reduction of perchlorate in a broad pH
range was thus studied at [Ti(III)]:[�-alanine] = 1:3. Fig. 5a shows
the pseudo-first-order reduction kinetics in the pH range from 2.7
to 6.1 (R2 > 0.97 except R2 = 0.80 at pH 6.1). The corresponding t1/2
values with [�-alanine]:[Ti(III)] = 3 and without �-alanine as well
are presented in Fig. 5b. Fig. 5b demonstrates that the presence
of �-alanine significantly improved the perchlorate reduction in a
broad pH range from 2.7 to 6.1. This improvement was ascribed
to the increased soluble [Ti(III)] due to the presence of �-alanine
(Fig. 5b). Note that the change of pH during the reactions can be
seen in Fig. S2 and S4 in the Supplemental Material.
4. Conclusions

The kinetics of Ti(III) reduction of perchlorate in the presence
and absence of �-alanine were studied. The pH effect, complex
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ormation, and �-alanine effect were thereafter investigated. A
ummary of conclusions is as follows:

1) �-Alanine (HOOCCH2CH2NH2) could significantly enhance the
Ti(III) reduction of perchlorate. A complete (99.9%) perchlo-
rate removal could be achieved in a solution containing
[ClO4

−] = 1.0 mM, [Ti(III)] = 40 mM, and [�-alanine] = 120 mM
after 2.5 h of reaction under 50 ◦C.

2) The optimal pH for the Ti(III) reduction of perchlorate in the
absence of �-alanine was 2.3. When pH increased from 1.6
to 2.3, the reduction rate increased remarkably. In the pH
range >2.3, however, the reduction was significantly inhibited,
attributed to the formation of Ti(III) precipitate.

3) When �-alanine was added to the Ti(III) solutions, a sudden
change in color from pink to green was observed. An increased
Ti(III) solubility was generally demonstrated. A new UV absorp-
tion peak at 370 nm appeared. These observations typically
indicated the formation of Ti(III) and �-alanine complexes.

4) At a molar ratio of [�-alanine]:[Ti(III)] = 3:1 the reduction rate
of perchlorate by Ti(III) was significantly increased even at near
neutral pH. This is because �-alanine formed complexes with
Ti(III), which greatly improved the total soluble [Ti(III)] in the
pH range between 3.5 and 6.

The above findings may lead to the development of rapid
reatment methods for intermittent and small stream of highly
erchlorate-contaminated water (Table S1 in the Supplemen-
al Material), which are resulted from the manufacturing, storage,
andling, use and/or disposal of large quantities of perchlorate salts.
evertheless, further laboratory and field tests are necessary to be
erformed for the evaluation of some important affecting factors
uch as the natural organic matter, nitrate, and sulfate.

cknowledgments

This research was supported by the New Jersey Department of
nvironmental Protection. Thanks are expressed to Dr. Chuanyong
ing, Mengqiang Zhu, Julius Pavlov, Nan Xu, and Backbang Sun for
heir kind assistance.

ppendix A. Supplementary data

Supplementary data associated with this article can be found, in
he online version, at doi:10.1016/j.jhazmat.2009.09.143.

eferences

[1] USEPA, Known perchlorate releases in the US, 2005.
http://www.epa.gov/fedfac/pdf/detect0305.pdf.

[2] T.M. Gingras, J.R. Batista, Biological reduction of perchlorate in ion exchange
regenerant solutions containing high salinity and ammonium levels, J. Am.
Water Works Assoc. 4 (2002) 96–101.

[3] USEPA, Map of known perchlorate manufacturers/users, 2003.
http://www.epa.gov/fedfac/images/perchlorate manuf users map.jpg.

[4] J. Wolff, Perchlorate and the thyroid gland, Pharmacol. Rev. 50 (1998) 89–105.
[5] V. Roquebert, S. Booth, R.S. Cushing, G. Crozes, E. Hansen, Electrodialysis rever-

sal (EDR) and ion exchange as polishing treatment for perchlorate treatment,
Desalination 131 (2000) 285–291.

[6] B. Gu, G.M. Brown, L. Maya, M.J. Lance, B.A. Moyer, Regeneration of perchlorate
(ClO4

−)-loaded anion exchange resins by a novel tetrachloroferrate (FeCl4−)
displacement technique, Environ. Sci. Technol. 35 (2001) 3363–3368.

[7] B. Gu, G.M. Brown, C.C. Chiang, Treatment of perchlorate-contaminated
groundwater using highly selective, regenerable ion-exchange technologies,
Environ. Sci. Technol. 41 (2007) 6277–6282.
[8] J. Yoon, Y. Yoon, G. Amy, J. Cho, D. Foss, T.H. Kim, Use of surfactant mod-
ified ultrafiltration for perchlorate (ClO4

−) removal, Water Res. 37 (2003)
2001–2012.

[9] R. Parette, F.S. Cannon, The removal of perchlorate from groundwater by
activated carbon tailored with cationic surfactants, Water Res. 39 (2005)
4020–4028.

[

[

Materials 175 (2010) 159–164

10] R. Parette, F.S. Cannon, K. Weeks, Removing low ppb level perchlorate, RDX,
and HMX from groundwater with cetyltrimethylammonium chloride (CTAC)
pre-loaded activated carbon, Water Res. 39 (2005) 4683–4692.

11] Z. Xiong, P. Dimick, D. Zhao, A. Kney, J. Tavakoli, Removal of perchlorate from
contaminated water using a regenerable polymeric ligand exchanger, Sep. Sci.
Technol. 41 (2006) 2555–2574.

12] P. Zhou, G.M. Brown, B. Gu, Membranes and other treatment technologies—pros
and cons, in: B. Gu, J.D. Coates (Eds.), Perchlorate: Environmental Occurrences,
Interactions, and Treatment, Springer, New York, 2006, pp. 389–404.

13] I.H. Yoon, X.G. Meng, C. Wang, S. Bang, E. Choe, K.W. Kim, Perchlorate adsorption
and desorption on activated carbon and anion exchange resin, J. Hazard. Mater.
164 (2009) 87–94.

14] B. Gu, W. Dong, G.M. Brown, D.R. Cole, Complete degradation of perchlorate in
ferric chloride and hydrochloric acid under controlled temperature and pres-
sure, Environ. Sci. Technol. 37 (2003) 2291–2295.

15] K.D. Hurley, J.R. Shapley, Efficient heterogeneous catalytic reduction of per-
chlorate in water, Environ. Sci. Technol. 41 (2007) 2044–2049.

16] Z. Xiong, D. Zhao, G. Pan, Rapid and complete destruction of perchlorate in
water and ion-exchange brine using stabilized zero-valent iron nanoparticles,
Water Res. 41 (2007) 3497–3505.

17] P.B. Hatzinger, Perchlorate biodegradation for water treatment, Environ. Sci.
Technol. 39 (2005) 239A–247A.

18] A.M. Moore, C.H. De Leon, T.M. Young, Rate and extent of aqueous perchlorate
removal by iron surfaces, Environ. Sci. Technol. 37 (2003) 3189–3198.

19] E.F. Hills, C. Sharp, A.G. Sykes, Kinetic studies on the perchlorate oxidation of
aqua Mo3+ and MoIII

2, Inorg. Chem. 25 (1986) 2566–2569.
20] M.M. Abu-Omar, L.D. McPherson, J. Arias, V.M. Bereau, Clean and efficient

catalytic reduction of perchlorate, Angew. Chem. Int. Ed. 39 (2000) 4310–
4313.

21] M.M. Abu-Omar, Swift oxo transfer reactions of perchlorate and other sub-
strates catalyzed by rhenium oxazoline and thiazoline complexes, Chem.
Commun. 17 (2003) 2102–2111.

22] B. Gu, P.V. Bonnesen, F.V. Sloop, G.M. Brown, Titanium catalyzed perchlorate
reduction and applications, in: B. Gu, J.D. Coates (Eds.), Perchlorate: Environ-
mental Occurrences, Interactions, and Treatment, Springer, New York, 2006,
pp. 373–387.

23] L.D. McPherson, M. Drees, S.I. Khan, T. Strassner, M.M. Abu-Omar, Multielec-
tron atom transfer reactions of perchlorate and other substrates catalyzed
by rhenium oxazoline and thiazoline complexes: reaction kinetics, mecha-
nisms, and density functional theory calculations, Inorg. Chem. 43 (2004) 4036–
4050.

24] D.M. Wang, C.P. Huang, J.G. Chen, H.Y. Lin, S.I. Shah, Reduction of perchlorate
in dilute aqueous solutions over monometallic nano-catalysts: exemplified by
tin, Sep. Purif. Technol. 58 (2007) 129–137.

25] D.M. Wang, C.P. Huang, Electrodialytically assisted catalytic reduction (EDACR)
of perchlorate in dilute aqueous solutions, Sep. Purif. Technol. 59 (2008)
333–341.

26] D.M. Wang, S. Ismat Shah, J.G. Chen, C.P. Huang, Catalytic reduction of per-
chlorate by H2 gas in dilute aqueous solutions, Sep. Purif. Technol. 60 (2008)
14–21.

27] J.E. Earley, D.C. Tofan, G.A. Amadei, Reduction of perchlorate by titanous ions
in ethanolic solution, in: E.T. Urbansky (Ed.), Perchlorate in the Environment,
Kluwer Academic/Plenum, New York, 2000, pp. 89–98.

28] F. Duke, P. Ouinney, The kinetics of the reduction of perchlorate ion by Ti(III)
in dilute solution, J. Am. Chem. Soc. 76 (1954) 3800–3803.

29] V.W. Cope, R.G. Miller, R.T.M. Fraser, Titanium(III) ion as a reductant in electron-
transfer reactions, J. Chem. Soc. (A) 78 (1967) 301–306.

30] E.T. Urbansky, Perchlorate chemistry: implications for analysis and remedia-
tion, Bioremed. J. 2 (1998) 81–95.

31] G.A. Amadei, J.E. Earley, Effect of some macrocyclic ligands on the rate of
reduction of perchlorate ion by titanium (III), Croat. Chem. Acta 74 (2001)
601–606.

32] R.L. Pecsok, A.N. Fletcher, Hydrolysis of titanium(III), Inorg. Chem. 1 (1962)
155–159.

33] R.L. Pecsok, A polarographic study of the oxalato complexes of titanium, J. Am.
Chem. Soc. 73 (1951) 1304–1308.

34] J.P. Birk, T.P. Logan, Mechanism of the reduction of vanadium(V) by titanium(III)
in acidic aqueous solution, Inorg. Chem. 12 (1973) 580–584.

35] J.D. Ellis, A.G. Sykes, Kinetic studies on the vanadium(II)-titanium(IV) and
titanium(III)-vanadium(IV) redox reactions in aqueous solutions, J. Chem. Soc.
Dalton Trans. 5 (1973) 537–543.

36] J.D. Ellis, A.G. Sykes, Kinetics of the reaction between titanium(III) and vana-
dium(V), J. Chem. Soc. Dalton Trans. 23 (1973) 2553–2557.

37] P. Chaudhuri, H. Diebler, Kinetics and equilibria of the interaction of tita-
nium(III) with oxalic acid, J. Chem. Soc. Dalton Trans. 6 (1977) 596–601.

38] P. Chaudhuri, H. Diebler, Complex formation of Ti(III) with acetate,
monochloro- and dichloro-acetate: equilibria and kinetics, Z. Phys. Chem. 139
(1984) 191–202.
39] B.Y. Liu, P.A. Wagner, J.E. Earley, Reduction of perchlorate ion by (n-
(hydroxyethyl)ethylenediaminetriacetato) aquotitanium(III), Inorg. Chem. 23
(1984) 3418–3420.

40] P. Chaudhuri, H. Diebler, Kinetics and equilibria of 1:1 complex formation of
hexa-aquatitanium(III) with malonic and methylmalonic acid, J. Chem. Soc.
Dalton Trans. 8 (1986) 1693–1695.

http://dx.doi.org/10.1016/j.jhazmat.2009.09.143
http://www.epa.gov/fedfac/pdf/detect0305.pdf
http://www.epa.gov/fedfac/images/perchlorate_manuf_users_map.jpg

	Rapid Ti(III) reduction of perchlorate in the presence of beta-alanine: Kinetics, pH effect, complex formation, and beta-alanine effect
	Introduction
	Materials and methods
	Chemicals
	Solution preparation
	Batch kinetic experiments
	Ti(III) solubility measurement
	UV-visible spectrophotometric measurements

	Results and discussion
	Rapid perchlorate reduction kinetics in the presence of beta-alanine
	pH effect on the Ti(III) reduction of perchlorate
	Complex formation between Ti(III) and beta-alanine
	beta-Alanine effect on the Ti(III) reduction of perchlorate

	Conclusions
	Acknowledgments
	Supplementary data
	References


