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Numerous studies have examined arsenic adsorption on varying adsorbents including
iron oxides, aluminum hydroxides, alumina, and carbon as a means of arsenic removal
in drinking water treatments. The objectives of this study were to evaluate the effect of
magnetite particle size on the adsorption and desorption behavior of arsenite and
arsenate, and to investigate the competitive adsorption between natural organic matter
(NOM) and arsenic. Increases in adsorption maximum capacities for arsenite and
arsenate were observed with decreasing magnetite particle size. Arsenic desorption is
hysteretic, more so with the smaller nanoparticles. Such desorption hysteresis might
result from a higher arsenic affinity for magnetite nanoparticles. In the presence of
NOM, substantial decrease in arsenic sorption to magnetite nanoparticles was observed.
It would be beneficial to thoroughly investigate adsorption and desorption of arsenic
on magnetite nanoparticles for further practical purposes.

I. INTRODUCTION

Arsenic-contaminated groundwater, used as drinking
water, has been a severe problem in Bangladesh but is
also common in United States.1 Several studies have re-
ported the health hazard due to the chronic exposure to
arsenic.2,3 To address the problem, the World Health
Organization (WHO) guideline value and the European
maximum permissible concentration (MPC) for arsenic
in drinking water are set as 10 �g/l. The United States
Environmental Protection Agency4 also lowered the
drinking water standard for arsenic from 50 to 10 �g/l
starting January 2006. A variety of arsenic-removal tech-
nologies are currently available including coprecipita-
tion, adsorption in fixed-bed filters, membrane filtration,
anion exchange, electrocoagulation, and reverse osmo-
sis.5,6 The focus of research has now shifted to solve the
problem using suitable sorbents to achieve a low arsenic
level in drinking water for communities with a high raw
water arsenic concentration.

Numerous papers have been published, which demon-
strate that iron oxides have a high affinity for the adsorp-
tion of arsenite and arsenate.7,8 Although iron oxides
have different structures, arsenic adsorption is not af-
fected by their structures.9 The surface properties of iron
oxides are key factors in adsorption on iron oxides. How-
ever, the sorption behavior of arsenic is strongly influ-
enced by solution pH and the oxidation state of arsenic.
Arsenate is more strongly retained at low pH values,8

whereas there is conflict about arsenite adsorption versus
pH. Increase in arsenite adsorption was observed with
increasing pH, with maximum adsorption at approxi-
mately pH 9,8,10 while Dixit and Hering11 observed that
arsenite adsorption was independent of pH in the range of
4 to 10. Arsenic can form inner-sphere bidentate-
binuclear complexes with iron oxides.12–15 Extended x-
ray absorption fine structure (EXAFS) spectroscopy as
well as Fourier transform infrared (FTIR) spectros-
copy12–15 have provided direct evidence for inner sphere
adsorption of arsenite and arsenate on iron oxides. Re-
cently, it has been reported that the As(III) and As(V)
form inner sphere complexes on iron oxide as well as
hydroxide corrosion products of zerovalent iron, Fe0.16

Arsenic adsorption on magnetite resulting from corrosion
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products of Fe0 has been studied.16 When iron oxides
dissolve due to changes in pH or in redox conditions,
adsorbed arsenic will also dissolve and this has been
studied.17 However, little research has been done on the
desorption of adsorbed arsenic. The adsorption and de-
sorption of heavy metals, such as mercury or cadmium
from soil, can exhibit considerable hysteresis,18,19 as well
as the desorption of lead and cobalt from hydrous iron
oxides.20 However, the recent investigation using a new
sorbent, which contained crystalline and amorphous
HFO microparticles in polymer beads demonstrated that
both As(III) and As(V) were almost completely desorbed
from the sorbent at alkaline pH.21 Genç-Fuhrman22 also
observed the similar desorption trend. With increasing
pH, the desorption rate dramatically enhanced. In this
work, the reversibility of arsenic adsorption–desorption
from magnetite is evaluated.

Competitive adsorption studies between arsenic and
other anions (i.e., phosphate, sulfate, silicic acid, and
bicarbonate) have been studied.10,23–29 Jackson and
Miller24 studied the influence of phosphate concentration
(i.e., 0.1 M and 0.5 M NaH2PO4) and pH (i.e., pH 3 and
pH 7) on arsenic extraction. Extraction efficiencies of
arsenate and arsenite from both ferrihydrite and goethite
were greater at the higher phosphate concentration (i.e.,
0.5 M NaH2PO4). Jain and Loeppert10 observed the sup-
pressed adsorptions of As(III) and As(V) on HFO, in the
presence of phosphate. They found that such inhibition
highly depended on pH and phosphate concentration.
Violante and Pigna25 reported that arsenate sorption on
both goethite and gibbsite decreased with increasing ini-
tial molar ratio of phosphate to arsenate up to two (2.0).
The previous study of As(III) and As(V) removal kinetics
on zerovalent iron showed that phosphate inhibited the
greatest removal of both arsenic species.29 Silicate, chro-
mate, and molybdate also had strong inhibition in arsenic
removal rate, followed by carbonate and nitrate.29 Natu-
ral organic matter (NOM), whose concentration com-
monly is found in natural water between 1 and 50 mg/l as
organic carbon, competes with arsenic for sorption sites
on hematite.30 Rapid arsenic sorption to metal oxides
was observed;7,8,31 however, the equilibrium time with
NOM-coated hematite was much slower than with he-
matite and the presence of NOM decreased the extent of
arsenic sorption.30

Recently, nanomaterials have been of considerable en-
vironmental attention due to their small particle size and
large surface area. Nanomaterials exhibit different physi-
cal, chemical, and biological properties that may not be
predictable from observations on larger-sized material,
such as monodisperse sizing, freedom from surface
defects, and special magnetic and optical properties.
Fukushi and Sato32 showed that surface acidity reaction
and surface complexation alter the thermodynamic sta-
bility of the underlying iron oxide particles, sometimes in

excess of an order of magnitude. For example, with TiO2,
Martra33 reported that large anatase and nanometer scale
TiO2 exhibit different dominant surface planes leading to
very different chemical behavior, surface acidity, and
catalytic reactivity. Most nanocrystals were expected to
dissolve rapidly in water as predicted from bulk dissolu-
tion kinetics per surface area, but often they do not.34

Redox activity might be similarly diminished. Little is
known about the relationship between adsorptive and re-
dox properties of oxides and particle size. Sorbent par-
ticles are widely used in separations and analysis of bio-
molecules; while the challenges faced in that area are
distinct from those faced in developing environmental
technologies, conceptually the approach and materials
are similar.35–37 Bucak et al.38 summarized many of the
application and theoretical advantages of using nano-
particles for separations, particularly as applied to bio-
molecular separations. Some of these advantages are
directly related to the large and controllable surface
areas, but many of the potential advantages are linked to
the fundamental nature of a dispersed adsorbent versus a
conventional column of fixed packed particles or of a
rigid membrane.38 This dispersed separation avoids
many of the classical problems related to plugging and
fouling of packed columns and membranes; in a water
treatment application, dispersed adsorbents also remove
the need for high pressure treatment streams. Moeser
et al.39 showed potential advantages of magnetite nano-
particles in separation because of the extremely small
particle size (i.e., ∼10 nm) and a large surface area with-
out a high mass-transfer resistance. The high-gradient mag-
netic separation (HGMS) was able to recover 98%
water-based magnetite nanoparticles coated with a bifunc-
tional polymer. In this paper, the adsorption of arsenic to a
laboratory prepared monodispersed magnetite nanocrystals
is compared with the commercially available magnetite
nanomaterials to determine the adsorption of these nano-
materials of different preparations.

II. MATERIALS AND METHODS

A. Materials and mineral sorbents

All chemicals were reagent grade and used without
further purification. Solutions were prepared with de-
ionized water. Glass volumetric flasks and reaction ves-
sels were cleaned with 10% HNO3 and rinsed several
times with de-ionized water before use. Both As(V) and
As(III) stock solutions were prepared by dissolving the
arsenic oxides (As2O5 and As2O3) in de-ionized water,
using 4 g/l NaOH. Sorption experiments were conducted
with two different sizes of commercially available mag-
netite with nominal particle sizes of 20 and 300 nm. The
300 nm magnetite sample was purchased from Sigma-
Aldrich (Milwaukee, WI). The 20 nm magnetite sample
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was from Reade Advanced Materials (Reno, NV). A
small amount of monodisperse (11.72 nm) magnetite
sample (Houston, TX) was synthesized in the laboratory
from iron (III) oxide monohydrate, FeO(OH), by dissolv-
ing in oleic acid (90%, technical grade, Aldrich) and
heating to elevated temperature (320 °C) in 1-octadecene
(90%, technical grade, Aldrich) following the procedure
of Yu et al.40 The as-synthesized magnetite nanocrystals
appear as spherical dots with a very narrow size distri-
bution. The synthesized magnetite was then dispersed in
water with the aid of a surfactant, Brij 30 (St. Louis,
MO), and sonication. The magnetite was then purified by
successive washing with water to remove Brij 30. After
each washing, the magnetite was separated from super-
natant with ultra-high centrifugation at 141 kG. Due to
the small quantity of the 11.72 nm magnetite, only lim-
ited studies were performed. Surface area was deter-
mined by the Brunauer–Emmett–Teller (BET) method
using N2 adsorption onto the magnetite powders using a
Micromeritics ASAP 2010 apparatus. Samples were de-
gassed for several hours at 150 °C prior to the N2 ad-
sorption analysis, which was carried out at liquid-
nitrogen temperature (−196 °C). Surface areas were ob-
tained by a multi-point analysis of the volume of nitrogen
adsorbed as a function of relative pressure (p/p0). Trans-
mission electron microscopy (TEM) was performed on a
JEOL 2010 apparatus equipped with a JEOL EM21010
(Sunnyvale, CA) single tilt stage. The TEM samples of
the 20 and 300 nm magnetite were prepared by evapo-
rating several drops of a dilute ethanol suspension of
magnetite powder onto a 300 mesh copper grid. The
TEM sample of the 11.72 nm magnetite was prepared by
evaporating several drops of the aqueous suspension of
magnetite suspension onto a 300 mesh copper grid. The
x-ray diffraction (XRD) spectrum of the laboratory pre-
pared magnetite was taken using the Rigaku D-Max 2100
X-ray Diffractometer (Woodlawn, TX). Potentiometric
titrations of magnetite suspensions were conducted under
nitrogen using a 0.01 mol/l aqueous solution of NaNO3

as the background electrolytes. The two commercially
available magnetite samples were used for titrations. The
concentration was 5 g/l for 300 nm magnetite nanopar-
ticles and 0.5 g/l for 20 nm magnetite nanoparticles.

B. Sorption isotherms

Sorption isotherms on the magnetite were performed
as batch experiments at both environmentally represen-
tative and higher concentrations. Arsenic concentrations
ranged from 0 to 0.45 mmol/l in a background electro-
lyte. The concentrations of iron as magnetite were 2.5 g/l
for 300 nm magnetite, 0.1 g/l for 20 nm magnetite, and
0.011 g/l for 11.72 nm magnetite nanoparticles. Adsorp-
tion studies were obtained at pH of 4.8, 6.1 and 8.0.
For the two coarser magnetite samples, the background

electrolyte was 0.01 M NaNO3. 2(N-Morpholino)-
ethanesulfonate (MES) and Tris at 0.005 M were added
as buffers for 6.1 and 8.0 pH experiments, respectively.41

The pH of the electrolyte was adjusted with a trace
amount of HNO3 or NaOH. For 11.72-nm magnetite
nanoparticles, the background electrolyte contained
0.01 M NaNO3 and 0.01 M Tris buffer at pH 8. At the
beginning of each experiment, the magnetite was dis-
persed in solution by sonication in a sonication bath for
10 min. The magnetite electrolyte mixtures were equili-
brated on a slowly rotating rack that provided gentle
end-over-end tumbling (4 rpm) for 24 h, and centrifuged
at 4000 rpm for 30 min. The supernatant solutions were
filtered through 0.2 �m Nalgene syringe filters Surfac-
tant-Free Cellulose Acetate (SFCA) for the 20 and 300
nm magnetite samples. A magnetic field column separa-
tor was used to separate the solid from liquid phase for
11.72 nm magnetite. The high-gradient magnetic field
column separator consisted of S.G. Frantz Canister Sepa-
rator (Model L-1CN, Trenton, NJ), which had a canister
(6.3 mm in width, 25.4 mm in depth, and 222.3 mm in
length) and a stainless column (35.3 cm3). The stainless
column was packed with stainless steel wool (∼50 �m
wire diameter), until the packing volume was 5% of can-
ister (∼15 g stainless steel wool). The pH of each solution
was measured immediately after sampling. The filtrate
was then acidified with 1% nitric acid. All experiments
were performed in triplicate, and solutions analyzed for
As and Fe by inductively coupled plasma–mass spectros-
copy (ICP-MS; Perkin-Elmer Elan 9000, Boston, MA)
and inductively coupled plasma (ICP; Perkin-Elmer Op-
tima 4300 DV, Boston, MA), respectively. The detection
limit for arsenic using ICP-MS was 0.025 �g/L.

C. Desorption

The 20 and 300 nm magnetite samples were utilized
for desorption studies. Desorption was conducted as
batch experiments by adding arsenic-free electrolyte to
the aliquot, following a 24-h adsorption. Samples were
allowed to react for 24 h on a tumbler, centrifuged, and
filtered through 0.2 �m Nalgene syringe filters (SFCA)
and the pH of each solution was measured immediately,
after sampling. The solutions were then acidified and
arsenic concentration was measured by ICP-MS. For
each adsorption sample, three steps of desorption were
performed.

D. Competing anions

Batch experiments were performed in the presence of
phosphate and natural organic matter. The Lake Houston
water was centrifuged at 5000 rpm for 40 min, and the
supernatant was used as the background solution in an
adsorption study. Surface water from Lake Houston
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(pH � 7.8) contained arsenic (0.0022 mg/l), natural or-
ganic matter (16 mg/l as organic carbon), phosphate
(0.03 mg/l PO4

3−), and Ca2+ (16.2 mg/l). Initial arsenic
concentrations in the range of 0–13.5 �mol/l were added
to 0.1 g/l 20 nm magnetite nanoparticles. Studies of both
As(III) and As(V) sorption on magnetite nanoparticles
were performed in 0.01 M NaNO3 and 0.005 M Tris
buffer at pH 8 in control experiments. Upon the comple-
tion of equilibration for 24 h on the tumbler, samples
were filtered through a 0.2 �m Nalgene syringe filters
(SFCA) and analyzed for As with ICP-MS (Perkin-Elmer
Elan 9000).

III. RESULTS AND DISCUSSION

A. Physical characterization of
magnetite samples

In Figs. 1(a)–1(c) are the TEM images of the 300, 20,
and 11.72 nm magnetite samples, respectively. The
commercially prepared 20 and 300 nm magnetite
samples show significant size dispersion and irregular
shapes. On the contrary, the TEM image of the laboratory
synthesized magnetite particles [Fig. 1(c)] shows highly
crystalline monodisperse spherical magnetite nano-
crystals. The particle size distribution of the laboratory

FIG. 1. TEM images of (a) 300 nm magnetite, (b) 20 nm magnetite, (c) 11.72 nm magnetite, (d) histogram of the 11.72 nm magnetite nanocrystals
particle sizes, and (d) plot of XRD pattern of 11.72 nm magnetite.
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prepared magnetite is shown in Fig. 1(d), which is cal-
culated from the TEM image with a sizing calculation
software (ImagePro version 5 of Media Cybernetics, Inc.,
Silver Spring, MD). The mean particle size was esti-
mated to be 11.72 ± 1.03 nm. In Fig. 1(e) is the XRD
spectrum of the laboratory synthesized magnetite, which
confirms the magnetite crystal structure.40 A surface
area of 98.8 m2/g is calculated from the mean particle
diameter and magnetite density (5.18 g/cm3). The BET
surface areas of the 20 and 300 nm magnetite samples are
60 and 3.7 m2/g, respectively. The nominal particle sizes
of these two samples were calculated to be 19.3 and 313
nm from BET surface area measurement.

B. Potentiometric titrations of magnetite

The pH versus surface charge � for 20 and 300 nm
magnetite samples is plotted in Fig. 2. Due to a limited
quantity of the 11.72 nm magnetite sample, the current
potentiometric titration study could not be conducted.
The surface charge � was calculated as a function of pH
from potentiometric titration based on Eq. (1)42

��C m−2� = F�CA − CB + �OH−� − �H+��a−1S−1 , (1)

where F is the Faraday constant (96,485 C/mol), CA and
CB are the total concentrations of acid and base added,
respectively (mol/l), [H+] is the proton concentration
(mol/l) given by 10−pH/�H

+, [OH−] is the OH− concen-
tration (mol/l) given by 10−(pKw−pH)/�OH−, a is magnetite
concentration (g/l), and S is the specific surface area
(m2/g). The titration curves (Fig. 2) are normalized to
unit surface area. The point of zero charge (pHpzc) is
defined as the pH value at which � � 0. Both magne-
tite samples have the same pzc values of pH 6.8. The
results indicated that there was no appreciable difference

in the surface acid-base properties of 20 nm magnetite
and 300 nm magnetite nanoparticles. The result of pHpzc
obtained in this research are close to those from the lit-
erature.43,44

C. Adsorption isotherms

All adsorption data were fitted with the Langmuir iso-
therm [Eq. (2), solid lines in Fig. 3]:

q =
b�qmax�C

1 + b�C
, (2)

where b is the sorption constant related to the adsorption
energy (L/�mol) and qmax is the maximum sorption ca-
pacity of the solid (�mol/g). Both Langmuir parameters
were determined by fitting Eq. (2) to experimental ad-
sorption data using the PSI-Plot program (from Poly
Software International, Pearl River, NY). In Table I are
listed the curve fitted the weight based Langmuir param-
eters (qmax, �mol/g) and the surface-area based Lang-
muir parameters (qmax, �mol/m2) at 4.8, 6.1, and 8.0 pH.

The adsorption of As(III) to 20 nm magnetite and
300 nm magnetite nanoparticles was not sensitive to pH
[Figs. 3(a) and 3(c)]. Due to the pH independence of
As(III), only one Langmuir adsorption isotherm was used
for all the As(III) data. However, As(III) adsorption
maxima to 300 nm magnetite was approximately 18
times less than those of 20 nm magnetite nanoparticles
and the surface area differed by a factor of 16; i.e., pro-
portional to surface area. The pH independency of
As(III) can be explained by the high pKa value of As(III)
(i.e., pKa,1� 9.22). Thus, arsenite was present mostly as
a neutral species up to pH 8.0. The adsorption of this
nonionic form of As(III) to magnetite surface did not
change with pH.

The maximum adsorption capacities of As(V) for 20
and 300 nm magnetite decreased with increasing pH
[Figs. 3(b) and 3(d)]. The surface of magnetite is posi-
tively charged at pH values below 6.8 due to the pzc of
magnetite. Thus, stronger As(V) adsorption to magnetite
samples was observed at lower pH values. The reduction
in As(V) adsorption at high pH (i.e., pH 8) was attribut-
able to the electrostatic repulsion of the negatively
charged As(V) species by the negatively charged surface
sites. With respect to the effect of magnetite size, both
As(III) and As(V) had greater affinities for 20 nm mag-
netite particles, as indicated by the larger values of qmax

b products (Table I, Column 8).
At each pH condition, the weight based As(III) and

As(V) adsorption capacities (qmax, �mol/g) were larger
for 20 nm magnetite particles with higher surface area
(Table I); however, the surface-area based As(III) and
As(V) adsorption capacities (qmax, �mol/m2) were very
similar for 20 nm magnetite and 300 nm magnetite nano-

FIG. 2. Potentiometric titration curves for 20 nm magnetite and 300 nm
magnetite nanoparticles. For 11.72 nm magnetite nanoparticles, the
potentiometric titration study could not be performed due to the lim-
ited quantity.
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particles, but each shows a systematic decrease in qmax

(�mol/m2) with increasing pH.
Arsenic adsorption to 11.72 nm magnetite nano-

particles is plotted in Fig. 4. As seen by others,11 the
adsorption isotherm appeared to consist of two Lang-
muir type isotherms for both As(III) and As(V). At low
concentrations [<120 �mol/L As(III) or <50 �mol/L
As(V)], the adsorption isotherms can be fitted with
simple Langmuir isotherms where maximum adsorp-
tion capacities approach 1532 �mol/g for As(III) and
622.7 �mol/g for As(V). This is equivalent to 15.5 and
6.3 �mol/m2 for As(III) and As(V) or 9.3 and and
3.8 molecules per nm2 of As(III) and As(V), respec-
tively. The surface-area based arsenic adsorption maxima
to 11.72 nm magnetite of the first adsorption maxima are
approximately 2.4 and 4.8 times [for As(III) and As(V),
respectively] higher than that of the 20 nm magnetite

nanoparticles. At high As concentrations [>120 �mol/L
As(III) or >50 �mol/L As(V)], the adsorption data devi-
ates from the simple Langmuir isotherm and appears to
follow a second Langmuir isotherm. For the second iso-
therm, the sorption energy (b term) was assumed to be
the same as that of the first sorption energy to evaluate
the second maximum adsorption capacity. The second
maximum adsorption capacities (qmax) for As(III) and
As(V) were substantially higher, which may be a result
of the coprecipitation of As with Fe on the surface.32,45,46

Our results show that, with 11.72 nm magnetite, the second
maximum adsorption capacities are 18 and 24 �mol/m2

for As(III) and As(V), respectively. This adsorption cor-
responds to 0.14 and 0.18 mol As/mol Fe in magnetite.
Previous studies have shown that for As(V) the adsorp-
tion maxima on HFO is approximately 0.25 mol As/mol
Fe at pH 4.6 and at pH 8.0.8,31 Dixit and Hering11 found

FIG. 3. (a) As(III) adsorption to 300 nm magnetite at pH 4.8, 6.1, and 8.0, (b) As(V) adsorption to 300 nm magnetite at pH 4.8 and 6.1, (c) As(III)
adsorption to 20 nm magnetite at pH 4.8, 6.1, and 8.0, and (d) As(V) adsorption to 20 nm magnetite at pH 4.8, 6.1, and 8.0. The solid curves are
drawn using the curve-fitted isotherm data in Table I.

TABLE I. Weight based and surface-area based Langmuir adsorption isotherm parameters.

Arsenic Magnetite pH
b

(L/�mol)
qmax

(�mol/g)
qmax�b
(L/g)

qmax

(�mol/m2)
qmax�b
(L/m2)

As(III) 300 nm 4.8–8.0a 0.05 20.8 1.04 5.62 0.28
As(III) 20 nm 4.8–8.0a 0.04 388.9 13.98 6.48 0.23
As(III) 11.72 nm 8.0 0.02 1532 31.79 15.49 0.32

8.0 0.02b 1800 37.40 18.22 0.38
As(V) 300 nm 4.8 0.08 14.4 1.12 3.89 0.32

6.1 0.10 10.0 0.98 2.70 0.26
As(V) 20 nm 4.8 0.82 152.3 125.49 2.54 2.09

6.1 0.54 101.3 54.71 1.69 0.91
8.0 0.48 79.4 38.07 1.32 0.63

As(V) 11.72 nm 8.0 0.11 622.7 66.63 6.3 0.67
8.0 0.11b 2300 24.61 23.28 2.49

aArsenite adsorption is independent of pH.
bb values for the second maxima were assumed to be the same as that for the first maxima.
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adsorption of 0.24 mol As(V)/mol Fe at pH 4. Raven
et al.8 observed adsorption densities of about 0.6 mol
As/mol Fe at 4.6 and 9.2 pH, but this occurred at about
15 mM solution phase arsenic. Surprisingly, even at
these very high concentrations, they did not observe a
leveling off of the adsorption. Dixit and Hering11 found
a maximum sorption density for As(III) on HFO of
0.31 mol As/mol Fe, which is 2.2 times the amount ad-
sorbed per mole of iron in 11.72 nm magnetite. Conse-
quently, the maximum adsorption densities for 11.72 nm
magnetite are less than, but comparable to, the maximum
densities reported for high surface area hydrated ferric
oxide, even though HFO has a 6-fold larger surface area
(i.e., 600 m2/g).11,47 Dixit and Hering11 reported similar
maximum sorption capacities for As(III) and As(V) on
goethite, which was 0.016 mol As/mol Fe. They also
studied the arsenite adsorption on magnetite at pH 8.
Their maximum adsorption density for As(III) corre-
sponded to 0.025 mol As/mol Fe. With the specific sur-
face area of their magnetite at 90 m2/g, the site density
appeared to be 2.2 sites/nm2. In spite of a similar specific
surface area, our 11.72 nm magnetite showed approxi-
mately 6-fold higher arsenic adsorption capacity for
As(III).

D. Desorption

Desorption experiments were then performed on the
20 and 300 nm magnetite nanoparticles to examine the
reversibility of the sorption reaction. Desorption was not
done with the 11.72 nm magnetite due to limited
samples. Desorption hysteresis has been reported for
many gas-solid and liquid-solid interactions.20,21,48–50

Genç-Fuhrman22 observed that arsenate desorption rate
was less than 15% up to pH 8, which indicated that
arsenic adsorption on an activated neutralized red mud
was irreversible at common environmental pH ranges;
however, 40% of arsenic was desorbed at pH 11.6, and
desorption rate remarkably increased with increasing pH
(>9). Also, DeMarco et al.21 reported the almost com-
plete desorption of both As(III) and As(V) at alkaline pH
(i.e., >pH 11) in a recent study where iron oxide was
dispersed in porous polymer beads. In this research, de-
sorption of As(III) and As(V) from 20 and 300 nm mag-
netite samples was studied to determine the effect of
particle size on desorption behavior. In Fig. 5 are plotted
the weight based desorption data of As(III) and As(V)
from 20 and 300 nm magnetite at pH 6.1. As shown in
Figs. 5(a) and 5(c), desorption of both As(III) and As(V)
from 300 nm magnetite particles appears to be irrevers-
ible. After three steps of desorption, each taking 24 h,
only 20–25% of the adsorbed As(III) or As(V) was de-
sorbed from the 300 nm magnetite nanoparticles. De-
sorption of both As(III) and As(V) from 20 nm magnetite
nanoparticles exhibited almost complete desorption hys-
teresis [Figs. 5(b) and 5(d)]. After three steps of desorp-
tion, each taking 24 h, only about 1% of the adsorbed
As(III) or As(V) was removed from these magnetite
nanoparticles. Similar hysteretic desorption phenomena
were observed at pH 4.8 and 8.0. The results indicated
that smaller particle size of magnetite has higher adsorp-
tion affinity for As(III) and As(V). The 20 nm magnetite
offered unique advantages over the 300 nm magnetite on
both stronger sorption due to increased surface area and
negligible bleed-off at common environmental pH con-
ditions due to desorption hysteresis. Both stronger ad-
sorption and resistant desorption and bleed-off are a sig-
nificant advantage in water treatment and solid waste
disposal.

E. Competitive sorption

In Fig. 6 are plotted the arsenic sorption to 20 nm
magnetite nanoparticles in Lake Houston water and
0.01 M NaNO3 electrolyte solution (pH 8.0). Apparently,
the sorption of both As(III) and As(V) to magnetite nano-
particles in the Lake Houston water was lower than that
in 0.01 M NaNO3 electrolyte. Since the Lake Houston
water and laboratory-made water had almost the same pH
(7.8 versus 8.0), pH probably was not a factor affecting
the difference of arsenic sorption behavior. Previous

FIG. 4. Plot of the adsorption of As(III) and As(V) to 11.72 nm
magnetite at pH 8.0: (a) As(III) to 11.72 nm magnetite and (b) As(V)
to 11.72 nm magnetite.
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research has shown that arsenic sorption to mineral
surfaces decreases in the presence of competitive
anions such as phosphate, sulfate, nitrate, and molyb-
date.10,23–27,29,51 In the Lake Houston water, arsenic was
present as 0.0022 mg/l, which is equivalent to approxi-
mately 0.03 �mol/l. Compared to arsenic concentrations
added for the adsorption studies, the concentration of
arsenic present was negligible. After the filtration, iron
concentrations ranging from 5 to 27 �g/l were negligible,
compared to the initial concentration (i.e., 0.1 g/l). The
PO4

3− concentration was found to be 0.03 mg/l, which
was negligible compared to NOM concentration (16 mg/l
as organic carbon). Therefore, the decreased As adsorption
was probably due to the NOM, but other components in
the lake water might also be important. NOM in the
solution probably competed with As(III) and As(V) spe-
cies for the surface sites (hydroxyl groups) on magnetite
and decreased the sorption of As(III) or As(V) to mag-
netite surface. The sorption of NOM to magnetite nano-
particles is assumed to be a dynamic interaction of sev-
eral mechanisms between organic functional groups
(mainly COOH and OH) and surface hydroxyl groups
including ligand exchange reactions, hydrogen bonding,
and electrostatic interactions.

IV. CONCLUSION

Arsenic adsorption maximum capacity and desorption
hysteresis were strongly influenced by magnetite particle
size. On the basis of surface area, adsorption maximum
capacity for both arsenic species was similar for the com-
mercially prepared (20 and 300 nm) magnetite samples.
However, the adsorption capacity for both As(III) and

FIG. 6. Plot of (a) As(III) sorption to 20 nm magnetite in Lake Hous-
ton water and laboratory-made electrolyte (0.01 M NaNO3,
pH 8.0) and (b) As(V) sorption to 20 nm magnetite in Lake Houston
water and laboratory-made electrolyte (0.01 M NaNO3, pH 8.0).

FIG. 5. Plot of the adsorption/desorption of As(III) and As(V) to 300 nm and 20 nm magnetite samples at pH 6.1: (a) As(III) to 300 nm magnetite,
(b) As(III) to 20 nm magnetite, (c) As(V) to 300 nm magnetite, and (d) As(V) to 20 nm magnetite. The open symbols are data from adsorption
approach and the closed symbols are desorption data for selected adsorption points.
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As(V) to laboratory prepared (11.72 nm) magnetite in-
creased significantly compared to the commercially pre-
pared magnetite. This observation may result from more
adsorption sites being exposed to arsenic by the 11.72 nm
magnetite, which was completely dispersed in solution.
We have shown that when prepared in a nanocrystalline
form, magnetite can remove two hundred times more
arsenic than the larger commercial materials, on a weight
percent basis. Regarding desorption, smaller particles
tended to show stronger desorption hysteresis, presum-
ably because the binding of the adsorbed arsenic resulted
in the formation of highly stable iron-arsenic complexes
uniformly over the surface. Thus, once loaded these
nanoparticles resist arsenic desorption and bleed-off, a
significant advantage in disposal at common environ-
mental pH ranges. Finally, the magnetite particles syn-
thesized in the laboratory tend to have unique mag-
netic behavior.52 By carefully optimizing the particle
size,52 highly efficient magnetic separation systems us-
ing low field strengths might be used in treatment
processes.
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