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The adsorption of phosphate onto CaCO3–montmorillonite (calcite–M) was studied in a series of batch experi-
ments and in a wide range of phosphate concentration (5–160 μM). Our results show that phosphate adsorption
is dependent onpH; adsorption increases as pHdecreases. Phosphate initial concentration and ionic strength also
affects the process of phosphate removal, prevailing adsorption for phosphate concentration lower than 100 μM,
while surface precipitation of HAP and carbonate apatite is favored at high phosphate concentration and ionic
strength. Raman spectroscopy shows both the transition between adsorption and surface precipitation and the
Ca–P compound formed.
The presence of a competitor, such as humic acid, reduces phosphate adsorption and reveals that both ions are in
competition for surface sites. Depending on the order that the adsorbates are added, higher reduction occurs
when humic acid is added first. In contrast, when phosphate is added first, the adsorption increases significantly
with respect to the values obtained in the absence of humic acid. Humic acid may prevent precipitation of Ca–P
compounds, leaving more phosphate available in solution to be adsorbed.

© 2014 Elsevier B.V. All rights reserved.
1. Introduction

The availability of phosphates for plant uptake is an important agri-
cultural issue, especially in arid and semi-arid regions with calcareous
soils. Phosphorous is an essential plant nutrient and low level of phos-
phate can limit production. During the past fewdecades, low availability
has been amended with the addition of phosphate in the form of ma-
nures and fertilizers. However, in most calcareous soils, it was found
that the addition of fertilizers did not produce any agronomic advantage,
as productivity in some of these areas did not increase (Castro and
Torrent, 1995; Delgado et al., 2000; Sample et al., 1980; Wandruszka,
2006). As a consequence, the over-application of the nutrient has led to
the eutrophication of natural reservoirs, which in turns, leading to a deg-
radation of water quality.

Once phosphate is added to calcareous soils, a series of reactions that
gradually decrease its availability to plants can occur. The main reac-
tions involved are adsorption onto calcite, Fe(hydr)oxides, clay min-
erals, and precipitation of phosphate as calcium phosphate minerals
(Cole et al., 1953; Delgado et al., 2000; Freeman and Rowell, 1981; Liu
es en Ciencias de la Tierra
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et al., 2012; Yagi and Fukushi, 2012). A general consensus has affirmed
that phosphate can be either adsorbed by calcite at low concentration or
precipitated at high concentration (Freeman and Rowell, 1981; House
and Donaldson, 1986; Klelner, 1988; Liu et al., 2012; Yagi and Fukushi,
2012), although it is not always easy to distinguish between these two
mechanisms. Early works (Cole et al., 1953; Stumm and Leckie, 1970)
suggested that the initial uptake of phosphate onto calcite occurs via
chemisorption, which is then followed by a slow transformation of
amorphous calcium phosphate to crystalline apatite. The adsorption
can be described by Langmuir adsorption isotherms (Karageorgiou
et al., 2007; Millero et al., 2001; Sø et al., 2011; Yagi and Fukushi,
2012) and can take place on a limited number of sites when phosphate
concentrations is low. At high concentrations, the process starts with
small amounts of phosphate adsorption, followed by the precipitation
of Ca-compounds, such as dicalcium, brushite, octacalcium phosphate
and hydroxyapatite (Freeman and Rowell, 1981; Yagi and Fukushi,
2012).

As well as calcite, clay minerals can adsorb phosphate. Despite the
large surface area that clay minerals have, research has proven that
phosphate adsorption onto clays is very poor (Borgnino et al., 2009;
Yin et al., 2011). The high net negative charge that clays minerals have
(e.g.: montmorillonite) prevents interaction with phosphate. Clay min-
erals, therefore, are not good adsorbents for phosphate removal.
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In addition, phosphate dynamics in calcareous soils are also depen-
dent on the organic matter. There is evidence that organic matter may
increase the availability of phosphate (Delgado et al., 2002; Staunton
and Leprince, 1996; Violante and Gianfreda, 1993), due to the competi-
tion of both anions for the same adsorption sites. Furthermore, organic
compounds can also affect the rate and manner in which phosphate
precipitates, such as inhibiting the formation of hydroxyapatite (HAP)
(Alvarez et al., 2004; Delgado et al., 2002; Grossl and Inskeep, 1991;
Inskeep and Silvertooth, 1988; Oelkers et al., 2011). Both effects are
beneficial, as more phosphate would be available to plants, improving
soil productivity.

Although several studies have been focused on the adsorption of
phosphate onto calcite, literature shows differing results in regards to
this question, especially on the effect of pH and ionic strength on phos-
phate adsorption. Liu et al. (2012) found that phosphate adsorption de-
creases from acidic pH to neutral-alkaline, reaching a minimum of
adsorption at pH 10.0, and then increased with pH. In opposition to
this finding are the results of Karageorgiou et al. (2007) and Millero
et al. (2001), which observed an increase in the phosphate adsorption
as pH increased. The effect of ionic strength was less evaluated. Sø
et al. (2011) and Yagi and Fukushi (2012) explained that an increased
in ionic strength produced an increase in the concentration of negative-
ly charged surface species, so the adsorption of phosphate is reduced.
Millero et al. (2001) found similar results, but attributed this effect to
the concentration of HCO3

− in thewaters, that competeswith phosphate
to the same surface sites. In regards to the effect of organicmatter on the
phosphate adsorption, a general agreement indicates that its presence
increases the phosphate available (Alvarez et al., 2004; Delgado et al.,
2000, 2002; Grossl and Inskeep, 1991; Inskeep and Silvertooth, 1988;
Oelkers et al., 2011). However, the effect of the order of addition of ad-
sorbents on the adsorption of phosphate remains limited.

In addition to the above differences observed, all of these experi-
ences were made using calcite as an adsorbent. However, in natural en-
vironments (such as calcareous soils) phosphate is not only adsorbed
onto pure calcite, but also in calcite coatings (e.g.: calcite-coating
phyllosilicates). It is expected that the surface properties of calcite dif-
fers from calcite-coating phyllosilicates, and therefore the phosphate
adsorption capacity also changes. Very few studies have been carried
out on the adsorption behavior of phosphate on calcite-coating
phyllosilicates (Violante and Gianfreda, 1993; Yin et al., 2011) and
the competitive adsorption effect of humic acid on phosphate ad-
sorption (Delgado et al., 2000, 2002).

This study primarily aims to investigate the adsorption of phosphate
onto calcite–M (CaCO3–montmorillonite) and to analyze the competi-
tive effect between humic acid and phosphate for calcite–M surface
sites. Adsorption isotherms were evaluated under different pH and
ionic strength conditions. By analyzing the solubility curves in combina-
tion with results obtained from Raman spectroscopy, the conditions of
pH and ionic strength that favor the adsorption process or surface pre-
cipitation were evaluated. The view offered by Raman spectroscopy
measurements is complemented here by macroscopic data, such as ad-
sorption isotherms and solubility curves. For the competition study, a
series of experiments was carried out to assess the effects of both the
addition of humic acid, and also the order of addition of adsorbates on
the phosphate adsorption.

2. Materials and methods

All solutions were prepared from analytical reagent grade chemicals
and purified water (Milli-Q system).

2.1. Synthesis of Na and CaCO3–montmorillonite

The montmorillonite used in this study was obtained from Cerro
Banderita (Province of Neuquén, Argentina). Particles with a diameter
of b2 μm were obtained by sedimentation and saturated with Na+ by
treating the clay suspension with 1 M NaCl. The sodium exchanged clay
(Na–M) has a cation exchange capacity of 91.7 meq/100 g (Peinemann
et al., 1972).

For the synthesis of the CaCO3-montmorillonite, a weighed amount
of solid CaCl2 × 2H2O was dissolved in water to obtain a 0.05 M of
Ca(II) solution; its pH was adjusted to 3.5 with HCl. Then, this solution
was mixed with 250 mL of a 4.0% Na–M dispersion in water, whose
pH had previously been adjusted to 3.5. After 2 h of vigorous magnetic
stirring at this pH, a certain amount of Na2CO3 solution (0.05 M and
pH 11.4) was added. The final pH of the mixture was 8.8. Under these
conditions, the dispersion was stirred for 45 min and then was left to
age for 20 h. After that, the solid was washed with water and dried at
60 °C. This sample referred to herein as calcite–M.

2.2. Characterization methods

Chemical analysis of the Na and calcite–M was carried out by ICP/
OES after lithium metaborate/tetraborate fusion. The specific surface
area (SSA) for both samples was measured by N2 adsorption using a
computer-controlled STROHLEIN area meter II instrument.

In order to characterize the presence of the calcite in montmorillon-
ite sample, Powder X-ray diffraction (XRD) was conducted on both
samples (Na–M and calcite–M). XRD patterns were recorded with a
Philips X'Pert PRO X-ray diffractometer, using CuKα radiation (30 kV–
15 mA). XRD data was obtained in the 2θ range from 4 to 70° (step
size: 0.01; 6 seg/step). The reflection assignments were completed
using theX'PertHighScore software, installed on theX-ray diffractometer.

The zeta potential measurements were carried out using the Delsa
Nano Size (Beckman) apparatus. Na–M and calcite–M suspensions
(0.5 g L−1) were prepared by dispersing the samples in 0.01 M of
NaNO3. The suspension pH was raised to approximately 3.5 with HCl,
and the zeta potential measurement was carried out. After that, the
pHwas slightly increasedwith NaOH and a newmeasurementwas per-
formed. This procedure was continued until the pH reached approxi-
mately 9.0.

2.3. Sorption experiments

The adsorption experiments were carried out by batch method. Ap-
propriate stock solutions of phosphate were prepared by dissolving re-
spectively sodium phosphate (Na2HPO4 × 7H2O) in water. Determined
amounts of calcite–M(1g L−1)were suspended in 0.1, 0.01 and 0.001M
NaNO3 solution as background electrolyte in 50-mL polyethylene cen-
trifuge tubes precleaned with 1% HNO3 and several times with deion-
ized water. After 24 h pre-equilibration, a well-known volume of a
0.01 M phosphate solution (Na2HPO4 × 7H2O) prepared in the same
electrolyte concentration of NaNO3 was added. The phosphate initial
concentration range was thus 5–160 μM. This range of concentration
was selected in order to assess both adsorption as well as the formation
of calcium–phosphate compounds (Ca–P compounds) at high phos-
phate concentrations. After that, the pH of the suspension was adjusted
by the addition of a small amount either HNO3 or NaOH, until the
desired pH was obtained (pH values 4.5, 7.0 and 9.0). Based on prelim-
inary kinetic experiments, the equilibration time was set to 3 h for all
adsorption experiments (see Fig. SM1). After being shaken at room tem-
perature (25.0 ± 0.5 °C) in a tube shaker rotator, the supernatant solu-
tionswere analyzed for pHwith anOrion glass combined electrode. The
tubes were then centrifuged at 9000 rpm for 5min and the supernatant
was separated for phosphate analysis. Because Na–M sample has phos-
phorous in its structure, blanks containing no phosphate were prepared
and analyzed similarly.

In order to evaluate the dissolution of calcite (from calcite–M), and
the subsequent precipitation of Ca–P phases in the adsorption experi-
ments, a portion of the supernatant obtained from the blanks and
from the experiment after the adsorption of 5 μM (first data point in
isotherm curve) and 160 μM (last data point in isotherm curve) of



Fig. 1. XRD pattern of Na–M, calcite–M. Reflections assignments are as follows: Mt, mont-
morillonite; Qtz, quartz; Cal, calcite (arrows).
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phosphate was separated for calcium analysis. The concentration of
calcium measured after adsorption was then compared with the calci-
um concentration necessary to produce a saturated solution of HAP
(Ca5(PO4)3(OH)), Brushite (CaHPO4·2H2O), octacalcium phosphate
(Ca4H(PO4)3·3H2O), β-calcium phosphate (Ca3(PO4)2) and carbonate
apatite. The solubility diagram was constructed using the hydrogeo-
chemical code PHREEQC 2.16 (Parkhurst and Appelo, 1999) using the
MinteqV4 database.

It is important to note that the aim of the experiments was to repro-
duce conditions that could occur in natural systems (pH and/or ionic
strength changes); therefore the calcite–M suspension was not pre-
pared in order to obtain a pre-equilibrated calcite solution (Sø et al.,
2008, 2011). Such experimental conditions could be used to describe
the calcite–water interface or to model adsorption experimental data.
This is beyond the scope of our study.

2.4. Competitive adsorption experiments

For competition experiments, humic acid (HA) suspensions were
prepared from a Fluka humic acid (code: 1415-93-6), which had been
previously purified according to the methodology proposed by the In-
ternational Humic Substances Society (Swift, R.S. 1996). Once the puri-
fication was completed, a concentrated stock solution of 2 g L−1 was
prepared by dissolving a weighted amount of HA at pH 10 during 2 h.
The HA stock solution was stored in dark conditions at 5 °C.

The competition experiments were carried out at pH values 4.5 and
7.0. The range of initial concentration of phosphatewas the same as pre-
viously described and the initial concentration of HA was 100 mg L−1.
This value corresponds to the concentration required to produce a
high humic acid adsorption onto calcite–M (mean values of isotherm
curve — see Fig. SM2). Furthermore, different methods of phosphate
and humic acid addition were also considered, i.e.: (i) simultaneous
addition of both adsorbates; (ii) phosphate added first and then
humic acid; (ii) humic acid added first, and phosphate added second.
Between each adsorbate addition, the equilibrium time was 3 h. In
each case, the concentration of calcite–M was 1 g L−1 and the ionic
strength was 0.001 M NaNO3. Once the samples were shaken at the re-
quired time, the supernatant solutions were analyzed for pH, centri-
fuged at 9000 rpm for 5 min and the supernatant was then separated
for humic acid and phosphate analysis.

2.5. Raman spectroscopy analysis

In order to discriminate between adsorption and precipitation of
Ca–P compounds, Raman spectroscopy was performed. Raman spec-
troscopy is a powerful, nondestructive tool that can be used to analyze
chemical and structural changes at the micrometer scale level (1 μm)
which occur on the surface. This technique can also be used to identify
different phases present in the material. The spectra were obtained
with a LabRam (Horiba/Jobin Yvon) spectrograph equippedwith confo-
calmicroscope. A small portion of the samples obtained after adsorption
of 5 μM and 160 μM of phosphate were placed in glass sample holder
and gently pressed. A small portion of the sample was focused with
the microscope and then a laser beam (632 nm) was directed onto
the sample. The exposure time was 10 s and the accumulation number
was 10.

The same procedure was performedwith a sample of powder CaCO3

previously adsorbed with phosphate (5 μM), and with the calcite–M
sample without adsorbed phosphate. All data collected were baseline-
corrected.

2.6. Chemical analysis

Phosphate and HA concentration were measured using a UV–VIS
spectrophotometer (Shimadzu UV–VIS 1700) equipped with a 1-cm
quartz cell. For phosphate, the method proposed by Murphy and Riley
(1962) was used.

The concentration of HA in the solution was measured at 550 nm
(Vermeer et al., 1998); the solution samples had previously been buff-
ered (pH ~ 8.7) with 0.05 M NaHCO3 (Iglesias et al., 2010).

The phosphate and humic acid adsorbedwere calculated bymeasur-
ing the difference between the initial and remaining concentrations in
the solution.

3. Results and discussion

3.1. Solid characterization

Table SM3 (see supplementary material) shows the chemical com-
positions of the synthesized solid samples. Both samples have similar
Si, Al, Fe, Mn, Mg, K and P contents, according to their predominant min-
eralogical composition (montmorillonite). The main differences can be
seen in the Na and Ca contents. The amount of Ca in the calcite–Msample
is 61.5 mg g−1; the amount added during the synthesis was 80 mg g−1.
The increase in calcium content correspondswith the decrease in Na con-
tent, and results show that in the interlayer ~40% of sodium is displaced
by calcium ions. Besides, this increase also leads to an increase in SSA, as
measured by N2 adsorption. Although this method is not recommended
to measure the surface area of expandable materials, such as clays, the
values obtained indicate that at least the porosity of thematerial changes
after the synthesis, perhaps due to calcite. According to XRD analysis
(Fig. 1), calcite is the main solid phase obtained during the synthesis,
after the incorporation of calcium. Fig. 1 shows the XRD pattern of Na
and calcite–M. The pattern of Na–M is typical of a sodium-exchanged
montmorillonite with quartz and perhaps some feldspar impurities
(Borgnino et al., 2009). It shows the 001 reflection at 7.8 °2θ, correspond-
ing to a basal spacing, d001, of 11.4Ǻ, which is normal for a sodiummont-
morillonite (Moore and Hower, 1986). The XRD pattern of calcite–M is
very similar to that of Na–M, however the 001 reflection is barely
able to be perceived. A limited reflection, hardly perceptible, seems
to be present at a lower angle, around 6.8 °2θ, which corresponds
to a higher basal space, d001 = 13.0 Ǻ (Fig. 1). The poorly defined dif-
fraction 001 reflection could be related to a greater loss of the silicate
sheets stacking along the c-direction, which may be associated with a
partial exfoliation or delamination of the clay layers (Gilman and
Morgan, 2003; Zapata et al., 2013). Taking into account that the de-
scriptions of calcite are usually referred to as a hexagonal cell, with
an a axis of 0.59 nm and a c axis of 1.706 nm (Doner and Warren,
1989), a possible value of d001 = 13.0 Ǻ (1.30 nm) could indicate
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that the calcite is incorporated into the interlayer space (perhaps
distorted) or onto the basal surface, opening and increasing the inter-
layer space and removing the reflection 001. Additionally, typical reflec-
tions of calcite are present in the XRD pattern of calcite–M (Fig. 1). The
peak in 29.1 °2θ position is the most intense peak, usually used to iden-
tify calcite. Other less intense peaks are located at 43.1, 47.4, 48.5 and
57.4 °2θ. As a result, the chemical composition and XRDpattern demon-
strate that the calcium added during synthesis is mainly in basal sur-
faces or interlayer spaces, such as calcite. Based on this result, it would
be expected that the clay only acts as a carrier or support of calcite,
and the coating would be the responsible for phosphate adsorption.

Zeta potential measurements were performed to evaluate whether
calcite could alter or change the surface net negative charge ofmontmo-
rillonite (see Fig. SM4). The net negative charge observed in bothmont-
morillonite samples is the result of the presence of structural negative
charges within the clay lattice. The positive charge that can be generat-
ed at the broken edges of the clay layers at low pH is not enough to
produce significant modifications in the zeta potential values as this
charge is much lower than the structural charge (Duc et al., 2005 and
references therein). Although calcite could contribute with positively
charged groups, its presence does not contribute significantly the net
charge of the montmorillonite; the zeta potential values of montmoril-
lonite remain negative in the studied pH range.
3.2. Adsorption experiments

3.2.1. Effect of pH on phosphate adsorption
Several factors may cause changes in phosphate adsorption when

pH levels are modified. First, changes in pHmay produce modifications
in the surface net charge of calcite–M in addition to phosphate specia-
tion. Furthermore, the dissolution of calcite or precipitation of Ca–P
compounds is also pH dependent. Fig. 2 shows a clear dependence of
phosphate adsorption on pH,whereas the adsorption increaseswith de-
creasing pH. The same behavior has been observed for the other tested
ionic strength conditions evaluated (0.1 and 0.001 M, not shown here).
Liu et al. (2012) found similar results, in contrast with the results of
Karageorgiou et al. (2007) andMillero et al. (2001)who observed an in-
crease in phosphate adsorption with increasing pH. In the experiments
of Karageorgiou et al. (2007), the differences could have been due to the
high initial concentration of phosphate used, promoting the precipitation
of Ca–P compounds. Millero et al. (2001) performed their experiments in
seawater solution. The chemical composition included cations and anions,
Fig. 2. Phosphate adsorption onto calcite–M. Solid circles: pH 4.5; cross: pH 7.0; open
circles: pH 9.0. Lines only serve as guide to eyes. Error bars represent the standard devia-
tion of duplicate sample measurements.
including HCO3
−, which may compete with phosphate for adsorption

sites. Such competition could explain the decrease in phosphate adsorp-
tion when the pH decreased from 8.5 to 7.5. Regarding the shape of the
isothermcurve (Fig. 2), twoparts canbedistinguished: thefirst canbede-
scribed approximately by a Langmuir isothermwhere a saturation of the
adsorption capacity is reached; the second where a continuous increase
without a saturation of the surface is observed.

The phosphate adsorption capacity of Na–M is very poor (Borgnino
et al., 2009). Considering that montmorillonite only serves as a carrier
of calcite and assuming that phosphate is preferentially adsorbed onto
calcite sites (Sø et al., 2011), the observed pH dependence is a conse-
quence of both the increase of phosphate protonated species and the
concentration of positive surface sites of calcite–M. According to the cal-
cite surface sites concentrations obtained bymodeling (see SM5 for de-
tails), the NCa sites are dominated by NCaOH2

+ and NCaCO3
− with less

than 10% of the NCaHCO3
0 site. Given that the phosphate is preferentially

adsorbed onto Ca sitesN (Sø et al., 2011), the contribution of positive
surface sites of calcite (NCaOH2

+) is 2%. Simple calculations may be
performed to estimate this percentage. Assuming that this sample is a
mix of calcite and Na–M, calcite contributes with 3.04 × 10−4 mol of
positive sites g−1 (see Fig. SM5a). Therefore, in 1.0615 g of calcite–M
mixture containing 0.0615 g of calcite and 1.0 g of Na–M, calcite
provides 1.85 × 10−5 mol of positive sites and montmorillonite
9.17 × 10−4 mol of negative sites. These represent 2.0% of positive
sites and 98% of negative sites, which may explain the low adsorption
capacity of phosphate onto calcite–M system (about 10 times less) in
relation to calcite (Yagi and Fukushi, 2012). The low concentration of
positive surface sites and the consistently net negative surface charge
of calcite–M limit the adsorption of phosphate, even at low pH.

The other factor controlling adsorption is the surface precipitation of
Ca–P compounds. The firstway to determinewhether surface precipita-
tion is occurring is by the shape of the adsorption curve. Adsorption can
be explained based on a number of theoretical models; Langmuir and
Freundlich models are the most used. For our experimental data, the
Langmuir model fits well. It is important to mention here that although
the Langmuir model fits the experimental data, this does not imply that
the adsorption of phosphate onto calcite–M takes place according to the
conditions established by the model. Considering the shape of the iso-
therm curve obtained in this work, the sole purpose of using the math-
ematical model is to discriminate between adsorption and surface
precipitation. Thus, for data that fit the model, the main process then
is adsorption. For those conditions where data do not follow the math-
ematicalmodel (e.g.: for high values of initial concentration experimen-
tal data move away from Langmuir behavior), surface precipitation
predominates. Fig. 2 shows that for low-to-moderate initial phosphate
concentration, the isotherm shapes are typically L-type. Hence, the de-
crease in phosphate solution concentration is likely for adsorption pro-
cess. At higher concentration (N100 μM), the phosphate removal greatly
increases and the behavior deviates from L-type. By definition, the sur-
face precipitation is the process by which a solid phase grows on the
surface of a particle, as a continuation of a surface complexation process.
Once the phosphate was adsorbed, the following increase in phosphate
concentration leads to the pre-nucleation and subsequent growth of
Ca–P phases onto calcite–M. It was demonstrated that the crystal nu-
cleation starts with the formation of aggregates of calcium phos-
phate pre-nucleation clusters that densify at a templating phosphate
pre-nucleation surface. Then, the densification of the clusters leads to
the formation of an amorphous precursor phase, which finally is trans-
formed into a crystalline apatite (Dey et al., 2010; Gebauer et al., 2008).
Consequently, the deviation from the Langmuir type observed in our
experiments could be explained by the formation of secondaryminerals
onto the calcite–M surface. This behavior has previously been reported
by other authors (Griffin and Jurinak, 1973; Sø et al., 2011). Our exper-
imental results that indicate that surface precipitation occurs under
conditions of high phosphate concentrations, however cannot be
ruled out entirely for low concentrations, particularly between pH
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~7.0 and 9.0, wherein the precipitation of Ca–P compounds (i.e.: HAP) is
favored.

3.2.2. Effect of ionic strength on phosphate adsorption
Fig. 3a and b portrays the sorption isotherms for phosphate adsorp-

tion onto calcite–M under 0.1 M, 0.01 and 0.001 M NaNO3 solutions at
pH values 4.5 and 7.0. The sorption of phosphate decreases with ionic
strength at any initial phosphate concentration and pH but, as can be
seen from the shape of the adsorption curves, the effect of ionic strength
varies. The adsorption data obtained at 0.001 M follow the L-type iso-
therm adsorption curve, while 0.1 and 0.01 M of NaNO3 do not.

The ionic strength dependency on adsorption is sometimes consid-
ered evidence for outer-sphere or inner-sphere coordination. Ions that
form outer-sphere complexes compete for adsorption sites with ions
of the supporting electrolyte. In this case, a decrease in the adsorption
is observedwhen the electrolyte concentration is increased. Conversely,
ions that form inner-sphere complexes are directly coordinated with
surface groups and do not compete or compete on a limited scale with
electrolyte ions, so adsorption is less affected by a change in the ionic
strength (Sparks, 2002). Although the results may indicate outer-
sphere complexes, phosphate most likely adsorbs via inner-sphere co-
ordination onto hydr(oxides), (Antelo et al., 2005; Mallet et al., 2013)
Fe-exchanged montmorillonites (Borgnino et al., 2009) and also calcite
(Sø et al., 2011). Therefore, in this case, the effect of ionic strength could
not help to distinguish the type of surface complexes (outer or inner
complex) that phosphate forms onto calcite–M.

A possible explanation for the effect of ionic strength may be the
changes in the concentration of calcite charged groups, as a result of
ionic strength variations (Sø et al., 2011). Calculation with the SCM
model modified to give a CCM model (see Fig. SM5b) shows that a
small change in the concentration of the calcite charged groups is pro-
duced when ionic strength is increased from 0.01 to 0.1 M. The concen-
tration of the negatively charged surface species increases by 2.6%
(mainly NCaCO3

−) whereas the concentration of the positively charged
species decreases by 2.6% (mainly NCaOH2

+). As a consequence, the
overall negative charge density increases and the adsorption decreases.
This increase in negatively surface charge groups would represent a
decrease of 2.6% in the adsorption capacity. However, the phosphate ad-
sorption at 0.1 M of NaNO3 decreases by 50% in relation to the adsorp-
tion capacity at 0.01 M. Therefore, the change in surface concentration
may contribute to the decrease in the adsorption of phosphate, but an-
other factor also controls the decrease in phosphate adsorption. One
other option is the dissolution of calcite, which is favored at acidic pH
values and high ionic strengths. If the calcite is dissolved, not only
Fig. 3. Effect of ionic strength on phosphate adsorption at: left pH 4.5 and right pH7.0. Half-open
serve as guide to eyes. Error bars represent the standard deviation of duplicate sample measur
would less surface sites be available to adsorb phosphate, but also sim-
ilarly, more calcium in the solution could precipitate as Ca–P com-
pounds. This is expected to occur, especially at 0.1 and 0.01 M of
NaNO3 where the adsorption isotherm curves deviate from the Lang-
muir behavior model (Fig. 3a and b). According to our data, the amount
of calcite dissolved at pH values 4.5 and 7.0 in 0.1 M NaNO3 is 6.3% and
3.8% (see Table SM6). In turn, the presence of phosphate in the solution
favors the dissolution of calcite. Klasa et al. (2013) found that the disso-
lution of calcite in the presence of phosphate at high ionic strengths re-
sulted in a higher calcite dissolution rates. Data of calcium concentration
obtained at different pH values for experiment made with Pi = 50 and
160 μM and at different ionic strengths (see Fig. SM7 and Table SM6)
shows that pH, ionic strength and phosphate concentration all affect
calcite dissolution. For pH 4.5, high ionic strength and phosphate con-
centration promote dissolution, as calcium increase in those conditions
(Fig. SM7). At pH 7.0 the dependence is less pronounced, and only at
160 μM of P does the calcium concentration change considerably, in
this case decreasing with ionic strength (see Table SM6). Calcium con-
centrations obtained at pH 7.0 are most likely the result of the dissolu-
tion of calcite, and subsequent precipitation of Ca–P compounds.
3.2.3. Raman spectroscopy and solubility curve analysis
In order to evaluate the conditions that promote adsorption or

surface precipitation, Raman spectroscopy of the calcite–M–P samples
obtained after adsorption of phosphate at Pi = 5 μM and 160 μM
(pH values 4.5 and 7.0; 0.1 and 0.001 M of NaNO3) was conducted.
The spectra obtained were then compared to the Raman spectra of
calcite–M and to the spectra of calcite after it had adsorbed 5 μM of
phosphate (calcite–P), in the same condition as previously mentioned.
The latter spectrumwas performed in order to evaluate themain vibra-
tion bands, which describe the phosphate adsorbed/precipitated onto
calcite. To interpret the results obtained, two analyses were performed
concurrently. First, the Raman spectra of phosphate adsorbed samples
were compared to the spectra of the phosphate species in solution at
the same pH, which were obtained from literature. Second, to discrim-
inate adsorption from surface precipitation, the spectra of calcite–M–P
(phosphate adsorbed onto calcite–M sample) samples were compared
with Raman spectra of calcium phosphate compounds, which were ob-
tained from literature. In conjunction with this analysis, solubility dia-
grams of calcium compounds were constructed. The saturation of the
solution in calcium for certain Ca–P compounds was analyzed and
then compared with the amount of calcium obtained during adsorption
experiments.
circles: 0.001MNaNO3; solid circles: 0.01MNaNO3; cross-circle: 0.1MNaNO3. Lines only
ements.



Fig. 4. Raman spectra of calcite–M and calcite after adsorbed phosphate at: a) pH 4.5 and b) pH 7.0. Ionic strength: 0.001 M NaNO3.

Fig. 5. Solubility diagrams for Ca–P compounds. Solid circles: Pi = 50 μΜ; open circles:
Pi = 160 μΜ. Ionic strength: 0.001 M NaNO3.
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Fig. 4a shows the results obtained at pH 4.5 and ionic strength of
0.001 M. The spectra of calcite–P have well defined peaks, typical of
crystalline solids, with two intense peaks, one at 1086 cm−1 and the
other at 1049 cm−1. The first peak corresponds to the υ1 CO3 mode
and is the most intense in calcite samples. The Raman spectra of
calcite–Mare typical of amorphousmaterials, with a low degree of crys-
tallinity and very broad bands. It shows a strong symmetric peak at
1086 cm−1 together with a series of bands that may identify the main
vibration modes of montmorillonite. According to Bishop and Murad
(2004), the Raman bands in the spectral region of 800–600 cm−1 are
caused by the vibrational modes of Si\O\Si bonds, which connect the
SiO4 tetrahedra that make up a layer. Between the spectral regions of
1150–800 cm−1, the observed bands arise from the stretching mode of
the Si\O bond in SiO4 tetrahedra and for Al2O3 in lattice. Turning to the
spectrum of calcite–M–P, at this pH and ionic strength the Raman spec-
trum shows the vibration modes of montmorillonite previously men-
tioned and two broad bands at 966 cm−1 and at 1049 cm−1.

At 1049 cm−1, the strongest band present in calcite–P may be relat-
ed to a shift of the main bands (1074–1150 cm−1) of the H2PO4

− in so-
lution, related to PO2 stretching vibration band (Preston and Adams,
1979). This same band also appears in the calcite–M–P samples and is
more intense for the highest initial phosphate concentration. The band
at 966 cm−1 could be related to the shift of the 940 cm−1 stretching
band, which corresponds to the P\(OH)2 stretching bands in H2PO4

−

aqueous solution (Preston and Adams, 1979). Actually, this band is
typically used to identify HAP precipitates, as it is the most intense
band in this compound. The solubility diagram curves obtained for
this experimental condition are plotted in Fig. 5. Here, the calcium
concentration, obtained after adsorption at pH 4.5 and for the two
initial phosphate concentrations is below the limit of the HAP solubility
(log KHap −44.3). This suggests that the precipitation of this phase
should not take place in these experimental conditions. With this in
mind and considering that the band at 1049 cm−1 is present either in
calcite–P and calcite–M–P, the interpretation of this band under this
pH condition could represent the shifts of the PO2 stretching band,
and may indicate the presence of phosphate adsorbed, in an inner-
sphere surface complex. The Langmuir type adsorption behavior ob-
served at pH 4.5 and 0.001 M of NaNO3 supports this interpretation.
The band at 966 cm−1, could be related to shifts in the P\(OH)2
stretching band, andmay also indicate the presence of a phosphate sur-
face complex. These surface complexes may perhaps then act as the ini-
tial nuclei for HAP precipitation, when the conditions of precipitation
are adequate. However, under these experimental conditions, adsorp-
tion prevails in respect to surface precipitation.

At pH 7.0 (Fig. 4b) the results obtained show some similarities
with pH 4.5. For calcite–P, the peak at 1086 cm−1 is present, but
the peak at 1049 cm−1 is hardly seen. In addition, a new band appears
at 1065 cm−1. This band could be related to the vibrational modes
of υ3 P04 + υ1CO3; it is normally present in carbonate apatites
(Antonakos et al., 2007; Zhou, 2011). For calcite–M–P samples, the
spectra have two broad bands, one at 966 cm−1 and the other at
1049–1080 cm−1. The latter seems to be the resulting contribution of
the two bands (1049 cm−1 + 1065 cm−1). The interpretation of the
1049 cm−1 band is the same as the previously made interpretation. Re-
garding the band at 1065 cm−1, the solubility diagram shows (Fig. 5)
that at pHi 7.0, for both initial phosphate concentrations, the calcium
concentrations obtained after adsorption are above the limit of HAP sat-
uration; evenmore, they register as above the carbonate apatite satura-
tion limit. Therefore, at pH 7.0 adsorption does occur while some
precipitation is also present. The pH conditions favor that precipitation
process occurs.

A similar analysis was conducted with the results which were
obtained from Raman spectra of the samples, after the adsorption of
phosphate at higher ionic strength (0.1 M NaNO3). For pH 4.5 and for
calcite–P sample, bands at 1049 and 1065 cm−1 are present, indicating
that adsorption and some precipitation of a carbonate apatite could be
happening (Fig. 6a). Actually, the last band is more intense than the
band at 1049 cm−1. These same two bands are present for the calcite–
M–P sample (Pi = 5 μM), although the band at 1049 cm−1 is hardly vis-
ible. Here, the well-defined peak which was obtained may indicate that
the analysis was perhaps made over a precipitated phase, as is very dif-
ferent from the other calcite–M spectra. At Pi = 160 μM, the Raman



Fig. 6. Raman spectra of calcite–M and calcite after adsorbed phosphate at: a) pH 4.5 and b) pH 7.0. Ionic strength: 0.1 M NaNO3.
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spectra shows broad bands, one at 966 cm−1 and the other between
1049 and 1065 cm−1. The interpretation of these bands is the same as
the one which was made at 0.001 M NaNO3. However, high ionic
strength condition also promotes dissolution of calcite (see Fig. SM7)
and precipitation of Ca–P compounds. Fig. 7 shows that the calcium
concentration measured after adsorption has saturated in carbonate
apatite, which confirms that this compound may be present under
these conditions. At pH 7.0 (Fig. 6b), the same band (1065 cm−1) is
also present in all evaluated phosphate conditions. In fact, the solubility
diagramalso shows that for either Pi concentration, the calcium concen-
tration is saturated in carbonate apatite. Clearly, high ionic strength, pH
and phosphate concentration promote the precipitation of Ca–P
compounds; in our experiments as carbonate apatites. The band at
1049 cm−1 is also present at Pi = 5 μM, which indicates that adsorp-
tion also occurs, although precipitation should be the dominant
process.
3.2.4. The effect of humic acid on phosphate adsorption: order of addition
Humic acid and phosphate are usually present together inwater. The

humate ligand, containing carboxyl groups, could compete with phos-
phate for binding to calcium ions. However, in competition the adsorp-
tion behavior may be changed by both the presence of a competitor as
well as by the way that the competitor is introduced to the system.
Fig. 8a and b shows the effects of humic addition on phosphate
Fig. 7. Solubility diagrams for Ca–P compounds. Solid circles: Pi= 50 μΜ; open circles:
Pi = 160 μΜ. Ionic strength: 0.1 M NaNO3.
adsorption at pH values 4.5 and 7.0, at an initial humic acid concentra-
tion of 100 mg L−1. For both pH levels, when both ligands were added
simultaneously (together), a reduction on phosphate adsorption was
observed. This finding suggests that HA and phosphate could be
adsorbed simultaneously at the calcite–M surface, and compete for
common surface sites. The reduced proportion on phosphate adsorption
was similar for pH values 4.5 and 7.0 (~20%), suggesting that HA ad-
sorbs larger amounts than phosphate onto calcite surface, leaving less
surface sites available for the phosphate adsorption, even at pH 4.5,
where phosphate adsorbs more. The reduction was greater when
humic acid was added first (HA + P) and at pH 4.5, where it is ex-
pected that humic acid is absorbed in a larger amount. Humic acid
is a negatively charged molecule. The steric effect and the increase
of the negative charge at the interface prevent the approximation
of phosphate at the surface, and adsorption, therefore, is reduced.
Clearly, the phosphate ions cannot displace the humic acid from
the surface.

In contrast to the previously mentioned cases, the phosphate ad-
sorption increases when phosphate is added first (P + HA). In this
case, phosphate is adsorbed first and when humic acid is added second,
the adsorption also occurs but in a greater amount thanwithout HA. Be-
cause HA has a strong affinity for calcium ions, the addition can also in-
fluence the saturation state of Ca–P compounds and may explain this
behavior. Although precipitation of Ca–P compounds is favored at high
ionic strengths, precipitation was also observed with Raman spectros-
copy for experiments at 0.001 M NaNO3 (Fig. 4). Perhaps humic acid
prevents precipitation and therefore more phosphate ions are available
for adsorption. The increase in phosphate adsorption is greater at
pH 7.0, where precipitation of Ca-compounds is expected to be higher.

4. Conclusions

As pH and ionic strength decrease, the adsorption of phosphate onto
calcite–M increases. However themechanismbywhich phosphate is re-
moved is different; it depends on the initial concentration of phosphate.
While adsorption is favored for low ionic strength and phosphate con-
centrations lower than 100 μM, surface precipitation is favored for
high phosphate concentration and ionic strength. Because surface pre-
cipitation is a continuation of surface complexation, it is expected that
adsorption would dominate in the beginning of the process. As phos-
phate concentration increases, surface precipitation starts, producing
Ca–P compounds, mainly carbonate apatite. The transition between ad-
sorption and surface precipitation and the identification of the Ca–P
compound formed have been shown by Raman spectroscopy. Changes
in ionic strength also influence the phosphate sorption, decreasing as
ionic strength increases. This effect can be accounted for an increase in



Fig. 8. Effect of the order of addition of the adsorbates on phosphate adsorption: a) pH 4.5 and b) pH7.0. The values plotted correspond to Γmax adsorption values for phosphate adsorption
in the absence and in the presence of humic acid.
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the concentration of negative surface sites, as well as an increase in the
calcite dissolution, which promotes the formation of Ca–P compounds.

The experimental competition results clearly show that while com-
petition between humic acid and phosphate does occur, the order of
addition strongly affects the phosphate adsorption.WhenHA and phos-
phate are added simultaneously, or HA is added first, the phosphate ad-
sorption decreases. When phosphate is introduced first, an increase in
the phosphate adsorption is recorded, perhaps due to inhibition pro-
duced by the HA in the precipitation of Ca–P compounds.
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