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Abstract
Arsenate and phosphate have similar properties due to their electrochemical structures, but their environmental impacts are
unique. The abundance and competition of arsenate and phosphate determine their bioavailability and leachability; thus, it is
essential to understand their fate in the soil environment. In this study, the effects of pH and surface loading on the competitive
adsorption of arsenate and phosphate on four iron (hydr)oxides were evaluated by employing the Langmuir isotherm, competitive
sorption ratio (CSR), and competition effect (CE). The stability and transformation of the iron (hydr)oxides were also assessed.
Various adsorption patterns were observed in the single and mixed treatments by controlling the addition of oxyanions, pH,
surface loading, and type of iron (hydr)oxides. Arsenate was preferentially adsorbed at a low pH, whereas phosphate showed the
opposite trend. TheCEAs(V),P(V)was close to zero at low surface density (no competition) and sequentially changed to negative or
positive values with increasing surface density, indirectly indicating the sequential development of promotive and competitive
effects. Transformation in goethite was identified at a high pH with the presence of oxyanions, except that no transformation was
observed upon the addition of oxyanions and with pH change. However, the stability of the iron (hydr)oxides decreased at a low
pH and with the presence of phosphate, arsenate, or both. The hematite showed a significant promotive effect regardless of the
pH. Our study revealed that the pH, surface loading, and type of iron (hydr)oxides are intercorrelated and simultaneously affect
the adsorption characteristics of oxyanions and the stability of iron (hydr)oxides.

Keywords Iron (hydr)oxide . Arsenate . Phosphate . Langmuir isotherm . Competitive sorption ratio . Competitive effect

Introduction

Arsenic and phosphorus are in group VII of the periodic table
and have similar electrochemical properties; however, their
environmental impacts are extremely different (Woolson et
al. 1971; Luengo et al. 2007). Arsenic has been known as a
poison throughout history (Vahidnia et al. 2007), and phos-
phorus had acted as a limiting nutrient for agricultural

productivity worldwide (Elser et al. 2007). Recent anthropo-
genic activities in agriculture and mining have accelerated
arsenic contamination in over 20 countries, and overfertiliza-
tion with phosphorus has caused severe eutrophication of wa-
ter systems worldwide (Barberis et al. 1995; Jain and Ali
2000; Leermakers et al. 2006; Elser et al. 2007). Arsenate
and phosphate are the major species of arsenic and phospho-
rus in the oxic rhizosphere (Truog 1930; Masscheleyn et al.
1991; Lu and Zhu 2010). They are the most notorious ele-
ments controlling the fate of arsenic and phosphorus in the
soil environment because the fluctuation of environmental
conditions not only causes the transition of oxyanion species
but also leads to the transformation of soil components and
dramatically changes the sorption characteristics (Kwon et al.
2010; Michael Bolanz et al. 2013; Han and Ro 2018).

Various elements coexist in the soil environment, and their
competition for adsorption onto the soil components deter-
mines their bioavailability and leachability (Zhang and
Selim 2008; Scheckel et al. 2009; Liu et al. 2017). Thus, it
is essential to understand their competitive adsorption under
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environmental changes (Violante 2013). Arsenate and phos-
phate have relatively high affinity for metal (hydr)oxides, but
controversial results regarding their competition and structural
configuration were found in previous studies. For example,
the As(V)/P(V) ratio calculated in the previous literature
showed significantly different competitive sorption patterns
(Fig. S1) (Jain and Loeppert 2000; Hongshao and Stanforth
2001; Zhang and Selim 2008; Frau et al. 2010; Goh and Lim
2010; Carabante and Grahn 2010). In addition, numerous
studies confirmed a bidentate complex as a major structural
configuration of arsenate and phosphate on iron (hydr)oxides
(Tejedor-Tejedor and Anderson 1990; Farquhar et al. 2002;
Sherman and Randall 2003; Antelo et al. 2005; Brechbühl
and Christl 2012; Neupane et al. 2014; Liu et al. 2015), but
a few studies have identified the presence of a monodentate
complex (Waychunas et al. 1993; Fendorf et al. 1997; Loring
et al. 2009) or the transition of a monodentate to a tridentate
complex upon changing the environmental conditions (Han
and Ro 2018).

Previous studies showed diverse results in the adsorption of
arsenate and phosphate on iron (hydr)oxides; the results were
controversial, and a comparison of published data is challenging
due to diverse interpretations and experimental setup conditions
(for example, pH, ionic strength, solution/solid ratio, and surface
loading) (Puls et al. 1991; Kim et al. 2012; Abdala et al. 2015;
Li et al. 2015; Han and Ro 2018). We found that there is no
simple equation to quantify the degree of competition to
compare and interpret numerous studies. Recent studies by
Bolanz et al. (2013) showed that the presence of oxyanions,
their concentration, and the pH control the iron (hydr)oxide
transformation via various processes, but previous adsorption
experiments focused on the stability of iron (hydr)oxides.
Most studies synthesized the iron (hydr)oxides in their labora-
tories, allowing for a scientific result with proper sorbent char-
acterization but possibly generating impurities in the sorbent.
Dai et al. (2018) studied the effect of impurities on iron
(hydr)oxide formation and showed that the surface of the nano-
particle was enriched with impure ions, altering the adsorption
characteristics. Therefore, four commercial and nanosized iron
(hydr)oxides, goethite, hematite, maghemite, and magnetite,
were selected to compare the adsorption characteristics and ob-
tain results that allow for comparison with other studies.

In this study, single and mixed adsorption isotherms of
arsenate and phosphate were investigated. The commercial
and nanosized goethite, hematite, maghemite, and magnetite
were employed to evaluate the competitive adsorption charac-
teristics. The adsorption data were compared using two simple
equations to interpret the sorption mechanism during the com-
petitive sorption. In addition, the structural stability of the iron
(hydr)oxides was evaluated under environmental changes
(competing ion, pH, and surface loading) by measuring the
iron dissolution rate and morphological transformation via
transmission electron microscopy analysis.

Materials and methods

Physiochemical characterization

The nanosized iron (hydr)oxides were obtained from Sigma-
Aldrich (USA) and US Research Nanomaterials (USA). We
measured the pH, electrical conductivity (EC), point of net
zero charge (PNZC), surface area (SA), crystal structure, and
elemental composition of each of the iron (hydr)oxides. The
pH and EC were measured using an Orion 5 Star (Thermo,
USA) in a 1:200 (W/V) dilution. The PNZC was measured
using the pH drift method (Tewari and Campbell 1976). The
SAwas obtained using an ASAP 2010 (Micromeritics, USA)
with the BET isotherm (N2 and 77 K). To identify the crystal
structure, X-ray diffraction (XRD), and high-resolution trans-
mission electronmicroscopy (HRTEM)were employed. AD8
Advance (Bruker, Germany) with CuKα radiation from 5 to
90° was employed for XRD, and a JEM-3010 (Jeol, Japan)
was used for HRTEM measurement. The diffractogram was
compared with the reference from the American Mineralogist
Crystal Structure Database. A Gatan digital camera and an
energy dispersive spectroscopy (Gatan, USA) were employed
in the HRTEM to characterize the morphology and elemental
concentration. For sample preparation for the HRTEM, one
drop of the sample was placed onto a carbon film on a copper
grid (C300-25, Ted Pella Inc., USA) and dried overnight in a
clean chamber. The sample grid was placed in a 60-mm Petri
dish (SPL, Korea) and sealed with parafilm for further analy-
sis. Digital Micrograph software (Gatan, USA) was used to
analyze the HRTEM image. The characteristics of the iron
(hydr)oxides are summarized in Table S1, and the XRD
diffractograms of the iron (hydr)oxides, including the refer-
ence, are illustrated in Fig. S2. The pH, EC, PNZC, and SA
measurements were conducted at least in triplicate.

Batch experiment

For the sorption isotherm, a single-batch experiment of arse-
nate or phosphate and a dual-batch experiment of arsenate and
phosphate were conducted by varying the pH (4, 7, and 10)
and surface loading (0, 0.1, 1, 5, and 10 mM) in triplicate.
Briefly, 50 mL of oxyanion solution at different concentra-
tions was mixed with 0.25 g of dried iron (hydr)oxide in a
50-mL conical tube. The initial pH of solution was adjusted to
the target pH by adding 1 M HCl or NaOH, and the pH of the
mixture was controlled every 12 h. All solutions contained
0.1 M NaCl to maintain the ionic strength under the soil en-
vironment, and a vertical shaker (Daehan, Korea) was used at
200 rpm at room temperature (25 °C ± 2 °C) for 48 h of incu-
bation. After the incubation, the sample was centrifuged at
4200 RCF for 1 h, and 20 mL of supernatant was filtered with
a 0.2-μm PTFE syringe filter (Advantec, Japan). The super-
natant was acidified with a drop of 10 M HCl solution, and
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inductively coupled plasma-optical emission spectrometry
(Icap-7200, Thermo, USA) was employed to measure the
oxyanion and iron concentration in the solution. The adsorbed
concentration was calculated by subtracting the initial concen-
tration from the aqueous concentration. The iron dissolution
rate was calculated by dividing the surface area and reaction
time by the total amount of iron in the solution determined
from the ICP-OES measurement. All reagents were obtained
from Sigma-Aldrich (USA) and were at least 98% pure.

Data analysis and fitting

The Langmuir isotherm was used to evaluate the sorption
characteristics of the iron (hydr)oxides. The Langmuir model
is expressed as follows:

Γeq ¼ Γmax⋅KL⋅Ceq
� �

= 1þ KL⋅Ceq
� � ð1Þ

where Γeq and Ceq are the equilibrium concentrations of
oxyanions in the adsorbed surface (molecule nm−2) and solu-
tion (mM), respectively, and Γmax and KL are the maximum
surface density (molecule nm−2) and Langmuir constant
(L mmol−1), respectively. The isotherm fitting was conducted
with the dynamic fit wizard function in Sigmaplot 10 (Systat,
USA), and we constrained 0 < Γmax < 100 and 0 <KL < 1000
and employed 1000 fits with 2000 iterations.

Two equations were employed, the competitive sorption
ratio (CSR) and the competitive effect (CE), to better under-
stand the competition between arsenate and phosphate
(Violante and Pigna 2002; Zhu et al. 2011). The CSR was
obtained from the study of Violante and Pigna (2002), and
we developed the CE to compare the adsorption difference
between single and mixed treatments. The equations are
expressed as follows:

CSRAs Vð Þ=P Vð Þ ¼ ΓAs Vð Þ;d=ΓP Vð Þ;d ð2Þ
CEAs Vð Þ;P Vð Þ ¼ CAs Vð Þ;d þ CP Vð Þ;d

� �
= CAs Vð Þ;s þ CP Vð Þ;s
� �

− ΓAs Vð Þ;d þ ΓP Vð Þ;d
� �

= ΓAs Vð Þ;s þ ΓP Vð Þ;s
� �

ð3Þ

where ΓAs(V),d and ΓP(V),d are the adsorbed arsenate and phos-
phate in the dual-batch experiment, respectively, and ΓAs(V),s

and ΓP(V),s are the adsorbed arsenate and phosphate in the
single-batch experiment, respectively. CAs(V),d and CP(V),d are
the initial concentrations in the dual-batch experiment, and
CAs(V),s and CP(V),s are the initial concentrations in the single-
batch experiment. The CSR indicates the preference between
the oxyanions on the sorbent during the competitive adsorp-
tion; aCSRAs(V)/P(V) greater than 1 indicates that the adsorption
of arsenate is more predominant than that of phosphate, and
vice versa. If the CSRAs(V)/P(V) is close to 1, no preferential
sorption was favored. We developed the CE to quantitatively
demonstrate the change in adsorption via promotion or com-
petition; a CE close to zero implies that no competitive effect

occurs; positive or negative values indicate competitive or
promotive effects, respectively. All calculations were conduct-
ed in Excel software (Microsoft, USA).

Results and discussion

Physiochemical characteristics

The physiochemical characteristics of goethite, hematite,
maghemite, and magnetite are summarized in Table S1. The
pH values of goethite, hematite, maghemite, and magnetite
were 5.72, 9.02, 5.11, and 5.34, and the PNZC values were
5.66, 9.41, 4.66, and 4.63, respectively. The EC was 0.08–
0.14 μS cm−1, and the SAs from the BET isotherm were 84,
38, 36, and 9.3 m2 g−1 for goethite, hematite, maghemite, and
magnetite, respectively. The cell volume and SAwere theoret-
ically calculated from the TEM-measured size of each crystal
structure, 0.5825, 0.3027, 0.5906, and 0.1386 nm3 for the cell
volume and 103.4, 38.1, 24.7, and 15.4 m2 g−1 for the SA of
goethite, hematite, maghemite, and magnetite, respectively.
There was a minor difference in the proposed size of the
nanosized iron (hydr)oxide and the TEMmeasurement result,
with a rod shape found for the goethite and a spherical shape
for the hematite, maghemite, and magnetite; the sizes were
50.3 × 10.8, 58.1, 53.7, and 109.4 nm, respectively (Fig. S3).

XRD measurement was conducted to confirm the crystal
structure of the iron (hydr)oxides, and the results are illustrat-
ed in Fig. S2. The measured XRD pattern was compared with
the previously reported pattern from the American mineralo-
gist crystal structure database, showing a significant match
with each crystal structure from the database. The XRD pat-
terns between the maghemite and magnetite were significantly
similar, which has been reported in previous studies (Dar and
Shivashankar 2014; Ruíz-Baltazar et al. 2015). Small peaks at
21.9 and 25.4° were found, showing the difference between
the two crystal structures. Based on our observations,
nanosized goethite, hematite, maghemite, and magnetite with-
out unknown sample contamination were confirmed.

Adsorption results and competitive sorption ratio

The batch experiment results at the maximum concentration
(10 mM) are illustrated for four iron (hydr)oxides and three
pH conditions (Fig. 1). The adsorbed oxyanion concentrations
per gram of iron (hydr)oxide (qs) for arsenate, phosphate, and
the mixture on the goethite were 0.34, 0.37, and
0.31 mmol g−1, respectively, at pH 4; 0.35, 0.32, and
0.26 mmol g−1, respectively, at pH 7; and 0.29, 0.23, and
0.27 mmol g−1, respectively, at pH 10. The qs values for arse-
nate, phosphate, and the mixture on the hematite were 0.29,
0.23, and 0.17mmol g−1, respectively, at pH 4; 0.20, 0.20, and
0.21 mmol g−1, respectively, at pH 7; and 0.06, 0.13, and
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0.13 mmol g−1, respectively, at pH 10. For the maghemite, the
qs values for arsenate, phosphate, and the mixture were 0.17,
0.28, and 0.28mmol g−1, respectively, at pH 4; 0.18, 0.19, and
0.15mmol g−1, respectively, at pH 7; and 0.07, 0.14, and 0.07,
respectively, at pH 10. For the magnetite, they were 0.08,
0.14, and 0.09 mmol g−1, respectively, at pH 4; 0.11, 0.16,
and 0.11 mmol g−1, respectively, at pH 7; and 0.01, 0.15, and
0.06 mmol g−1, respectively, at pH 10. The maximum qs was
observed in the goethite treatments at pH values of 4 and 7,
and the minimum qswas observed in the maghemite treatment
at pH 10. General patterns in qs were observed: a gradual
decrease with increasing pH and a significant correlation be-
tween the qs value and the surface area of the adsorbent; the
general patterns were described in previous studies (Dixit and
Hering 2003; Roberts et al. 2004; Mahmood et al. 2014).

A distinctive pattern was observed in which the goethite
and magnetite showed higher average values in the single
treatments than in the mixed treatments at all pH conditions,
but hematite showed lower average values in the single treat-
ments than in the mixed treatments at all pH conditions. The
maghemite showed similar results to those of hematite at pH 4
but showed the opposite results at pH 7 and 10. In addition,
the qs of phosphate did not gradually decrease with increasing
pH in the magnetite treatment, and the single arsenate and
mixed treatments showed maximum qs at pH 7, whereas there
was no significant difference for phosphate. The qs of phos-
phate in the hematite, maghemite, and magnetite was higher
than the qs of arsenate, except for the hematite at pH 4, and the
qs of arsenate was higher than that of phosphate in the goethite
at pH 7 and 10, whereas the opposite pattern was observed at
pH 4. The results show that the arsenate, phosphate, and their
mixture showed different adsorption characteristics on the
iron hydroxides and that the pH controlled the adsorption
characteristics. To better explain the adsorption isotherm, the
qs was converted to surface density (Γs) to address the effects
of SA and surface loading. The terms surface loading and
surface density indicate the total amount of oxyanion per SA
of sorbent and the adsorbed amounts of oxyanion per SA of
sorbent, respectively.

The Langmuir adsorption parameters (Γmax and KL) were
fitted at pH 4, 7, and 10 in the arsenate, phosphate, and mixed
treatments (Table 1). The Γmax values of the arsenate treatment
at pH 7 were 2.45, 3.46, 3.50, and 100 molecule nm−2 for
goethite, hematite, maghemite, and magnetite, respectively,
and the Γmax values of the phosphate treatment at pH 7 were
2.24, 3.38, 3.54, and 11.4 molecule nm−2, respectively. In the
mixed treatment at pH 7, the Γmax values of arsenate were
0.846, 2.03, 1.23, and 3.93 molecule nm−2 for goethite, hema-
tite, maghemite, and magnetite, respectively, and the Γmax

values of phosphate were 0.846, 2.03, 1.23, and 3.93molecule
nm−2, respectively. The adjusted coefficient of determination
was 0.820 to 0.999. An unexpected error was found in the
Γmax of the arsenate treatment at pH 7 on the magnetiteTa
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because the maximum constraint for the fitting was reached.
An unsaturated fitting curve was observed, and precipitation
was assumed based on the unsaturated curves; thus, HRTEM
and XRD analysis were conducted to identify the precipitates.
However, the size measurement and XRD showed no signif-
icant difference (data not shown). Based on the results and
previous studies, it is presumed that the unsaturated curve
was caused by surface precipitation or reduction of arsenate
to arsenite with the oxidation of magnetite. Numerous studies
reported precipitation of arsenate on the surface of iron (hy-
dr)oxides, but no study has confirmed the coprecipitation at
circumneutral pH. Precipitation was also not detectable in our
HRTEM and XRD analysis. Numerous studies reported that
reduction of arsenate to arsenite could increase the adsorption
(Jain and Loeppert 2000; Liu et al. 2015), but there was
insufficient information to measure the reduction (for exam-
ple, X-ray absorption near-edge spectroscopy). In addition,
the magnetite easily oxidizes under ambient conditions, and
the transformation is not easily detected if maghemite is
formed or if only a thin surface is transformed
(Schwaminger et al. 2017).

With increasing pH from 4 to 10, the Γmax decreased or was
similar in most treatments, but the Γmax in all magnetite treat-
ments and arsenate treatments on maghemite increased or in-
creased then decreased. In contrast, the KL decreased or de-
creased then increased with increasing pH from 4 to 10 in
most treatments, except for arsenate and the mixed treatment
on goethite and phosphate and the mixed treatment on
maghemite. However, the trends in competitive adsorption
in response to a change in pH are complicated; thus, Γmax

was applied in Eq. (2) to interpret the results more easily, as
illustrated in Fig. 2a. As described above, the CSR and CE
indicate the preferential adsorption and competitive effects,
respectively, and the black dotted line indicates that no such
effect occurred, i.e., the value for the CSR was 1 and for the
CEwas 0. Interestingly, more preferential sorption of arsenate

than phosphate at pH 4 was observed, but the CSRAs(V)/P(V)

gradually decreased with increasing pH. The CSRAs(V)/P(V)

values were 1.50, 1.27, 1.08, and 1.21 for goethite, hematite,
maghemite, and magnetite, respectively, at pH 4 and de-
creased to 0.98, 0.53, 0.54, and 0.61 at pH 10, respectively.
Based on the observation, it was confirmed that the arsenate
was more preferentially adsorbed onto the iron (hydr)oxides at
the low pH conditions, but phosphate was preferred at the high
pH conditions for all the iron (hydr)oxides except goethite.

As noted above, previous studies reported controversial
results (Fig. S1). Based on the previous studies, the
CSRAs(V)/P(V) was calculated. Several studies confirmed the
increase in the CSRAs(V)/P(V) with increasing pH, such as
0.95–1.02 at pH 3–5 on goethite according to Hongshao and
Stanforth (2001) and 1.0–1.45 at pH 3.7–9.9 on ferrihydrite
according to Jain and Loeppert (2000). In contrast, opposite
patterns have also been found; Gao andMucci (2001) reported
CSRAs(V)/P(V) values of 0.9–1.8 at pH 3–8.7 on goethite,
Violante and Pigna (2002) reported 1.0–1.2 at pH 4–7 on
ferrihydrite, and Manning and Goldberg (1996) found 0.88–
1.18 at pH 2.5–11.2 on goethite. No significant correlation
among the CSRAs(V)/P(V) pattern, type of iron (hydr)oxide,
and experimental condition was found from the previous stud-
ies; however, we observed an interesting pattern for
interpreting the relationship between surface loading and
CSRAs(V)/P(V) (Fig. S4). The CSR of each pH was close to 1
at low surface loading for all iron (hydr)oxides, and the pattern
of the CSR with increasing pH was distinctive at the high
surface loading condition. In addition, the maghemite and
magnetite showed similar patterns, possibly due to the trans-
formation of the magnetite surface to magnetite. The arsenate
was more preferentially adsorbed on the iron (hydr)oxide sur-
face at low pH, and phosphate was dominant at high pH, as
shown by our observation and previous studies. The surface
loading also showed different CSRAs(V)/P(V) patterns for each
of the iron (hydr)oxides.

Fig. 1 Stacked bar graph of the adsorbed oxyanion per unit mass in the
arsenate, phosphate andmixed treatments under 10mMof total oxyanion
input on the goethite, hematite, maghemite, and magnetite at pH 4, 7, and
10. The error bar indicates the standard error from the Langmuir fitting

result. An asterisk (*) indicates that the average value of the adsorbed
oxyanions from two single treatments is significantly higher than the sum
of the adsorbed oxyanions from the mixed treatment, and two asterisks
(**) indicate the opposite
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Competitive effect

We observed a relatively uniform pattern in the CSRAs(V)/P(V)

results, but the CEAs(V),P(V) results showed a more ambiguous
pattern. Γmax was applied in Eq. (3) to interpret the results
(Fig. 2b), and the surface loading effect determined using qs
is illustrated in Fig. 3. The CEAs(V),P(V) values at pH 4, 7, and
10 were 0.06, 0.12, and 0.20, respectively for goethite; − 0.05,
− 0.02, and − 0.17, respectively, for hematite; − 0.13, 0.15,
and 0.20, respectively, for maghemite; and 0.16, 0.42, and
0.12, respectively, for magnetite. We hypothesized that an
increase in pH would lead to an increase in the CEAs(V),P(V)
because more deprotonated sorption sites would be available
due to the increased amount of hydroxyl ion, which does not
apply to the adsorption sites of oxyanions. In our results, the
pattern of the CEAs(V),P(V) agreed with the hypothesis for the
goethite and maghemite treatments, but we observed all neg-
ative CEAs(V),P(V) values in the hematite treatment and a max-
imum at pH 7 in the magnetite treatment, which caused the
unsaturated curve described above. To explain the results, we
considered the surface loading effect because we also hypoth-
esized that increased surface loading would lead to competi-
tion for adsorption sites. The relationship between the surface
density and CEAs(V),P(V) is illustrated in Fig. 3 to interpret the
surface loading effect.

We found an interesting phenomenon in the goethite,
maghemite, and magnetite in which the CEAs(V),P(V) was close
to zero at low surface density and became negative with increas-
ing surface density. In addition, a dramatic increase was ob-
served at certain points except for hematite; the crossing point
of the dotted line and solid line was defined as ΓCE= 0, where
the competitive and promotive effects were offset (Fig. 3). This
phenomenon was also observed in previous studies by calculat-
ing the CEAs(V),P(V) and was explained by the competition for

limited sorption sites. At low surface density, excess adsorption
sites were available for both oxyanions; thus, no competitive or
promotive effects occurred. However, an increase in surface
density led to more adsorption capacity in the mixed treatment
than the sum of the single treatments for arsenate and phosphate,
which could be explained by the difference in the adsorption
mechanisms of both oxyanions on the iron (hydr)oxide surface.

Previous studies confirmed that each oxyanion has a dif-
ferent thermodynamic stability on the plane of the crystal
structure. For example, Kubicki et al. (2012) identified the
adsorption energies of phosphate as monodentate and
bidentate configurations through molecular dynamic simula-
tion, and the results suggested that the bidentate configuration
was favorable in the (101), (010), and (100) planes, whereas
the monodentate configuration was more stable in the (210)
and (001) planes. Kubicki et al. (2007) also showed that the
Gibbs free energy of adsorption (ΔGads) for monoprotonated
and biprotonated arsenate on bioctahedral ferric hydroxide
and biprotonated arsenate showed lower ΔGads than the
monoprotonated arsenate complex. Based on the simulation
results, it was inferred that the speciation and structural con-
figuration of each oxyanion would lead to a thermodynami-
cally preferential adsorption mechanism on each plane of the
iron (hydr)oxide surface, and the overlaid result was only
observable from the various adsorption mechanisms. Based
on the inference, a sudden decrease in CEAs(V),P(V) could be
explained as a result of the difference in the thermodynamic
stabilities of the structural configuration for each oxyanion on
each iron (hydr)oxide surface, i.e., the promotive effect de-
rived from the difference in the sorption mechanisms of each
oxyanion. The promotive and competitive effects are illustrat-
ed in Fig. S5. In the figure, chemicals A and B are the
oxyanions, which are mono- and divalent ions and have two
and three sorption mechanisms via inner- and outer-sphere

Fig. 2 Line and scatter plot of the pH and competitive sorption ratio
(CSR) (a), and the pH and competitive effect (CE) (b) calculated to
interpret the competitive sorption of arsenate and phosphate. CSR and
CE were calculated with Γmax from the Langmuir isotherm fitting

result. A CSRAs(V)/(P) greater than 1 indicates that arsenate is more
predominant than phosphate, and vice versa. A CEAs(V),P(V) close to
zero implies that no competitive effect was observed, and positive and
negative values show competitive or promotive effects, respectively
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complexations. At low surface loading (CT = 2), there is un-
occupied space in the sorbent; thus, no competitive effect
(CEA,B = 0) or preferential sorption (CSRA/B = 1) was ob-
served. At CT = 4, we observed two types of sorption mecha-
nisms for chemical A, three types for chemical B, and three
types for the A+Bmixture. It was assumed that the IS complex
of chemical A (ISA) is not thermodynamically favorable when
competing with the IS complex of chemical B with the
bidentate configuration (ISB); thus, only the OSA complex
was found in the A+B mixture, but both the IS and OS com-
plexes were found in chemical B. In addition, chemical B has
two OS complex types, the electrostatic pair interaction with
the sorbent (OSB-type 1) and the electrostatic pair with the
sorbent and Na+ ion (OSB-type 2). In the A+B mixture, four
chemicals were observed at the surface, and 7 chemicals were
observed in the A and B treatments; thus, the CEA,B was cal-
culated as − 0.07, which indicates the promotive effect of
changing the adsorption mechanism of chemical B. There
was no preferential sorption because all chemicals were
adsorbed.

In our experiment, a dramatic increase in the CEAs(V),P(V)
was observed with the promotive effect, and ΓCE= 0 was de-
fined as where the degrees of the promotive effect and com-
petitive effect are equal. In Fig. S5, CT = 6 describes ΓCE= 0,
but the surface loading was used instead of the surface density
because the difference in surface loading could not be shown
in this example. At this point, the promotive effect is equal to
the CT = 4 condition; however, competition was introduced,
and the competitive effect counterbalanced the promotive ef-
fect. The CSRA/B decreased to 0.33 because more chemical B
was adsorbed on the surface than chemical A. After ΓCE= 0,
an increase in the CEA,B was also observed due to the change
in the OS complex in chemical B. With increasing concentra-
tion, OSB-type 2 is more favorable for all OS complexes; thus,

three OSB-type 2 were formed, and nine chemicals were
adsorbed in the single treatments of A and B, whereas only
four chemicals were adsorbed in the A+Bmixed treatment. As
a result, CEA,B increased to 0.06.

With the interpretation of the example, it is possible to explain
the experimental results. Similar patterns were observed in goe-
thite and magnetite at all pH conditions: CEAs(V),P(V) was zero at
low surface density and decreased with increasing surface den-
sity; then, it increased after ΓCE= 0. The ΓCE= 0 values of goe-
thite at pH 4, 7, and 10 were 1.8, 1.7, and 1.2 molecule nm−2,
respectively, and the ΓCE= 0 values of magnetite were 4.9, 1.9,
and 1.7 molecule nm−2, respectively. The ΓCE= 0 values of
maghemite at pH 7 and 10 were 2.3 and 1.4, respectively. An
increase in pH led to a decrease in ΓCE= 0, and we observed that
the degree of the decrease significantly differed depending on the
iron (hydr)oxide and pH. The results show that there are no
promotive or competitive effects when the surface is unsaturated
with a low concentration of chemicals and that increasing the
surface loading from the low concentration leads to a greater
increase in the total adsorbed concentration than the sum of the
individually adsorbed concentrations. This phenomenon is called
a promotive effect because there is an increase in the adsorbed
concentration. Then, the ΓCE= 0 point appears, where the pro-
motive effect and competitive effect are counterbalanced. At
high surface loading, the total adsorbed concentration is less than
the sum of the individually adsorbed concentrations, and the
competitive effect would be greater than the promotive effect;
thus, a positive value should be obtained.

Iron oxide stability with the presence of oxyanions

The adsorption characteristics and the stability of the sorbent
are crucial to estimate the bioavailability and leachability of
oxyanions in the soil environment. There are three main types

Fig. 3 Line and scatter plot of the surface density (molecule nm−2) and
competitive effect (CE) of arsenate and phosphate on goethite, hematite,
maghemite, and magnetite at pH 4 (a), 7 (b), and 10 (c). CE was
calculated with experimental sorption data, and the dotted line indicates

zero CEAs(V),P(V), which implies that no competitive effect is observed.
We defined the crossing point of the dotted line and solid line as the
surface density without competitive or promotive effects (ΓCE= 0)
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of iron in the aqueous phase after the centrifugation and fil-
tration, colloidal iron oxide less than 200 nm (because a
0.2-μm filter was used), aqueous iron-oxyanion complexes,
and iron ions. However, quantification of their abundance was
not possible due to difficulty in obtaining measurements.
Thus, the results were interpreted using three rules from pre-
vious studies. Numerous studies reported the effect of pH on
iron dissolution and revealed that more ferric ions would be
released at a low pH condition (Schwertmann 1991; Panias et
al. 1996; Cornell and Schwertmann 2003). If the solution pH
was close to the PNZC of the colloidal particle, then the pre-
cipitation would increase; thus, the concentration of colloidal
iron oxide would decrease. In contrast, if the solution pH was
not close to the PNZC, then the colloidal particles would in-
crease. Ferric arsenate or the ferric phosphate complex has
been reported as a pathway of interaction between iron oxide
and aqueous phosphate in the soil environment (Jia and
Demopoulos 2008; Du et al. 2014; Wang et al. 2016). Yang
et al. (2015) revealed that increasing pH led to the ferric arse-
nate complex above pH 2.38, and the formation of the FeAsO4

complex from Fe3+ and H2AsO4− ions yielded −
448.2 kJ mol−1 of Gibbs free energy, indicating the thermody-
namic stability of the ferric arsenate complex. For this reason,
the iron dissolution rate at a high pH condition was mainly
caused by the ferric arsenate complex.

The iron dissolution rate is demonstrated in Fig. 4 for the
single arsenate or phosphate treatments and the mixed treat-
ment in goethite, hematite, maghemite, and magnetite at a 10-
mM concentration. The iron dissolution rates at different con-
centrations were also measured, but illustration of the concen-
tration effect was too complex; thus, the pH and oxyanion
input types were focused on. To summarize the concentration

effect, in most conditions, a higher concentration of the arse-
nate, phosphate, or mixed treatments led to a decrease in the
iron dissolution rate, except for goethite (data not shown).
Regarding the effect of the pH and oxyanion, the maximum
iron dissolution rate was observed at pH 4, except for goethite,
and was 0.021, 0.020, and 0.042 μmol m−2 h−1 for hematite,
maghemite, and magnetite, respectively, under phosphate
treatment. Interestingly, goethite showed a maximum iron dis-
solution rate at pH 10 with the mixed treatment, and bernalite
formation was observed with the presence of arsenate or phos-
phate, which was identified in previous studies (Han and Ro,
2018). From the HRTEMmeasurement, we identified the size
of the bernalite formation as approximately 30 nm at the high
pH condition with high concentrations of arsenate, phosphate,
or the mixture, which was the reason for the high iron disso-
lution rate in goethite at pH 10.

In most conditions, except for the goethite treatment with a
high pH, the iron dissolution rates of the arsenate treatments
were lower than or similar to those of the phosphate or mixed
treatments. The phosphate and mixed treatments showed no
significant difference for hematite and magnetite, and the min-
imum iron dissolution rate occurred at pH 7. A general pattern
was observed, showing a decrease in the iron dissolution rate
with increasing pH, mainly caused by the reduction in ferric
ion dissolution from the iron (hydr)oxide surface. An increase
in the iron dissolution rate with increasing pHwas observed in
the hematite and magnetite, and it was inferred that the
formation of ferric arsenate or ferric phosphate resulted in
the increase in the iron dissolution rate with increasing pH.
The iron dissolution rate of the mixture in maghemite and
magnetite showed similar patterns that were distinctive from
that in the presence of arsenate. The arsenate treatments

Fig. 4 The average iron dissolution rates (nmol m−2 h−1) at 10 mM
arsenate (red), phosphate (blue), and mixed (black) treatments as a func-
tion of pH on goethite (a), hematite (b), maghemite (c), andmagnetite (d).

The error bar indicates the standard deviation of the iron dissolution rates
at a 10-mM oxyanion concentration
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showed a lower iron dissolution rate than the phosphate or
mixture treatments, but the iron dissolution rates of the
arsenate and phosphate treatments were similar for
magnetite. Similar results were found in previous studies.
Khoe and Robins (1988) measured the formation constant of
ferric arsenate and ferric phosphate as − 1.34 and 0.78, respec-
tively. Kuzin et al. (2013) observed an increase in the iron
dissolution rate due to the addition of phosphate, whereas
Paige et al. (1997) observed a decrease in the iron dissolution
rate with the presence of arsenate, caused by surface precipi-
tation. Based on previous studies, the combination of the rate
of ferric-oxyanion formation and surface precipitation con-
trols the iron dissolution rate. In addition, both magnetite
and maghemite did not show significant differences, and it
was presumed that the reduction of arsenate and oxidation of
the magnetite surface led to such an effect.

An extremely distinctive pattern of the iron dissolution rate
was observed as a function of pH, iron (hydr)oxide, and sur-
face loading, and the individual patterns were difficult to ex-
plain based on the current study. However, bernalite as a col-
loidal iron hydroxide has been found, which would cause the
previously reported colloidal mobilization of arsenate and
phosphate (Zhang and Selim 2007), and a high level of phos-
phate would facilitate the iron dissolution compared with the
arsenate-rich conditions in most treatments. Hematite showed
relatively superior stability with the change in pH and
oxyanion than the other iron (hydr)oxides. In addition, our
results suggest that the oxyanion could work as a protector
or a destroyer of nanosized iron (hydr)oxide in the soil envi-
ronment. Environmental problems, such as soil acidification
or nutrient depletion, would decrease the stability of iron
(hydr)oxide in the soil, which would thus accelerate soil deg-
radation by releasing the iron (hydr)oxide from the soil.

Conclusion

In this study, adsorption isotherms were determined by chang-
ing the pH of four synthetic nanosized iron (hydr)oxides, and
the results were compared by employing the CSR and newly
proposed CE to better interpret the competitive adsorption in
this study and previous studies. Single or mixed treatments of
arsenate and phosphate yielded different results as a function
of the pH and the type of iron hydroxide. Arsenate was pref-
erentially adsorbed at a low pH, and phosphate was dominant
at a high pH. The CEAs(V),P(V) was close to zero at low surface
density and sequentially changed to a negative then positive
value with increasing surface density due to promotive and
competitive effects. Transformation from goethite to bernalite
was identified at high pH with the presence of an oxyanion,
and the iron (hydr)oxides showed resistance upon the addition
of an oxyanion and a change in pH. In the presence of

phosphate, arsenate, or both and at low pH, the stability of
iron (hydr)oxide decreased.

In the real environment, oxyanions always compete with
each other at different concentrations, pH values, and adsor-
bents, but the detailed mechanisms of competition are not
fully understood. However, our investigation revealed that
the environmental variables are interconnected, and this sig-
nificantly affects the adsorption characteristics of oxyanions in
the soil environment. The hematite showed a significant pro-
motive effect regardless of the pH, and it could more effec-
tively reduce problems caused by overfertilization compared
to the other iron (hydr)oxides. We focused on the competitive
adsorption at equal concentrations of arsenate and phosphate;
in the future, the competitive adsorption at nonequal concen-
trations with a more complex composition must be described
to interpret the natural phenomenon in the soil environment.
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