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This study investigates how HCO3 and Ca?* influence PO, adsorption onto
ferric (hydr)oxide under static and dynamic pH conditions. Results show
that HCO3;  competes with PO4 for surface binding sites, decreasing PO4
adsorption under static pH conditions, while Ca?" enhances PO, adsorption
under alkaline conditions. At pH 8.0, 0.25 mM HCOs reduces POq
adsorption, with a Kq value (the aqueous to solid-phase PO ratio) 1.7 times
higher than that observed in 10 mM NaCl. However, adding Ca**
minimizes this effect of HCOg, reducing Kq from 0.66 to 0.55, 0.37, and
0.24 with 0.05, 0.1, and 0.25 mM Ca?*', respectively. Experiments under
dynamic pH conditions show a similar trend, with Kq values approximately
84% lower than under static conditions, suggesting PO4 immobilization on
solid surfaces over time. These results indicate that elevated HCOs
concentrations may increase PO4 mobility by reducing adsorption, while

Ca?" counteracts this effect under alkaline conditions.

Introduction

Phosphorus (P), in the form of phosphate (H,PO4"3,
n=0, 1, 2, 3; hereafter PO,), is an essential and often
limiting nutrient for biological production (Smith and
Schindler, 2009; Smolders et al., 2006). Phosphorus
can be introduced to an aquatic environment from
various points and nonpoint sources or can be
released from bottom sediment into the overlying
water column, a process known as internal P loading
(Matisoff et al., 2016; Paytan et al., 2017; Smolders
et al., 2006). This release typically occurs via mineral
dissolution, desorption, and hydrolysis of organic P
compounds (Joshi et al., 2015; Orihel et al., 2017).
The solubility of both externally derived and
sediment-released PO, in the water column is
controlled by various biogeochemical factors, such as

*Corresponding author:<sabur@juniv.edu>

pH, redox potential, microbial activity, and the
chemical composition of sediments and porewater
(Filippelli, 2008; Ruttenberg, 2003; Sabur, 2019).

Naturally occurring anions such as bicarbonate
(HCOy3), sulfate (SO4%), and silicate (SiOs*) may
compete with PO4 for the mineral binding sites,
thereby increasing PO4 concentrations in the aqueous
phase (Antelo et al., 2007; Geelhoed et al., 1997;
Sabur, 2019; Sabur et al., 2022; Smolders et al.,
2006). Among these competitive anions, the HCOs’
concentration is generally higher than PO, in natural
waters (Sabur, 2019) and has been shown to promote
POs release from sediments (Smolders et al., 2006).
However, in natural waters, particularly in systems
buffered by carbonate minerals like calcite and
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dolomite—cations such as Ca?* and Mg?* are major
chemical constituents alongside HCO3™ (Langmuir,
1997b). Dissolved Ca?* and Mg?* have been shown
to decrease the solubility of PO4 in the aqueous phase
through precipitation or co-precipitation as well as
co-adsorption with PO4 on mineral surfaces,
particularly under alkaline conditions (Atouei et al.,
2016; Rietra et al., 2001; Spiteri et al., 2008; Talebi
etal., 2016).

While previous studies have explored the individual
effects of bicarbonate and divalent cations (Ca?*/
Mg?*) on the mobility of PO, at the sediment-water
interface, their combined effects of HCO3 and Ca?*
in regulating POs mobility has not been
comprehensively examined. The simultaneous effects
of HCOs™ and divalent cations such as Ca?" and Mg?"
on PO4 mobility at the sediment-water interface can
be evaluated through experiments using natural
sediments. While wusing natural sediments in
experiments offers greater environmental realism,
their inherently complex chemical and biological
compositions can lead to numerous overlapping
processes. Therefore, the HCOs induced release of
PO, from natural sediments, especially in the
presence of divalent cations, may not fully capture
the mechanisms by which HCOjs influences POs
mobility. These mechanisms can often be more
effectively isolated by conducting experiments with
clean minerals, such as ferric (hydr)oxides, rather
than with natural sediments.

In this study, we examine the competitive effect of
HCOs on PO4 adsorption onto ferric (hydr)oxide in
both the absence and presence of dissolved Ca?*
across a range of static pH conditions. We also assess
the effectiveness of HCOs as a competing ion
through PO, adsorption experiments conducted under
static and dynamic pH conditions, with and without
the presence of Ca?'. Lastly, we compare the
experimental results with water quality data from the
US National Water Information Monitoring Database
(NWIS) to identify aquatic environments that may
experience HCOs induced POs4 mobility. We

hypothesize that the cationic Ca?* will counteract the
anionic bicarbonate-induced PO4 mobilization at the
sediment-water interface.

Materials and Methods
Ferric (hydr)oxide synthesis

Ferric (hydr)oxide was synthesized by rapidly raising
the pH of an acidic Fe** solution, following the
method described by Schwertmann (1991). In brief,
an acidic FeCls solution was neutralized to pH 6.5 by
the rapid addition of 1.0 M NaOH under continuous
stirring at 100 rpm using an orbital shaker (Model:
SO1). After 6 hours, the pH of the suspension
dropped to 6.0 and was subsequently adjusted to pH
7.0 by adding 0.1 M NaOH. The resulting ferric
(hydr)oxide precipitate was collected using a suction
funnel, air-dried, and then oven-dried at
approximately 105°C. The dried material was
ground with a mortar and pestle, sieved, and
characterized using X-ray diffraction (XRD) and
Fourier-transform infrared (FTIR) spectroscopy. The
point of zero charge (PZC) of the synthesized ferric
(hydr)oxides was determined to be 8.1 by
potentiometric titration (Vakros et al., 2002). This
dried and ground ferric (hydr)oxide was used in the
PO, adsorption experiments.

Adsorption at static pH

First, a 0.25 mM phosphate (PO.) solution (1.0 L)
was prepared in 10 mM NaCl. This solution was
divided into seven 100 mL aliquots, and the pH of
each aliquot was independently adjusted within the
range of 6.0 to 10.0 using dilute and concentrated
HCI and NaOH. Next, 25 mL of each pH-adjusted
PO. solution was added to a 50 mL polypropylene
tube containing 0.0125 g of ferric (hydr)oxide
(accurately weighed to four decimal places). The
mixtures were shaken at 100 rpm on an orbital shaker
(Model: SO1) for 2 hours to reach equilibrium, with
pH adjustments made as needed during this period.
Following equilibration, the suspensions were passed
through a 0.45 pm syringe filter, and the phosphate
concentrations in the filtrates were determined.
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Additional pH-dependent PO4 adsorption
experiments were conducted using two other
background solutions apart from 10 mM NaCl: (i)
three NaHCO3 solutions with concentrations of 0.25,
0.50, and 1.00 mM, and (ii) three NaHCO3 (0.25
mM) solutions with varying Ca?* concentrations of
0.05, 0.1, and 0.25 mM. The degree of PO.
adsorption is expressed in the distribution constant
(Kg), which represents the ratio of POs in the
aqueous phase to that in the solid phase. Lower Kgy
values indicate more effective removal of PO4 from
the aqueous phase, reflecting higher adsorption.

Adsorption at dynamic pH

Three sets of phosphate (PO4) adsorption
experiments were conducted under dynamic pH
conditions. Set 1: Ferric (hydr)oxide (0.125 g) was
equilibrated with 250 mL of a 0.25 mM POa
solution, prepared in 10 mM NacCl, for 4 hours.
The pH of the suspension was initially adjusted to
5.0 using dilute and concentrated HCI and NaOH,
creating a mildly acidic environment favorable for
PO4 adsorption. The pH was then adjusted to 6.0
and equilibrated for 4 hours, with periodic
adjustments every 30 minutes to counter any drift.
Following this, the pH was incrementally increased
from 6.0 to 10.0 in one-unit intervals by adding
NaOH. After 4 hours of equilibration at each pH
level, samples were collected, filtered (0.45 pm
pore size filter), and analyzed for aqueous PO4
concentration. Set 2: To examine the effect of
HCOs on PO. adsorption, a 0.2275 mM POg4
solution prepared in 10 mM NaCl and 225 mL was
introduced into a reactor containing 0.125 g of
ferric (hydr)oxide. Subsequently, 25 mL of a 2.5
mM NaHCO3 solution was added, resulting in both
PO, and HCO3 concentrations reaching 0.25 mM in
the suspension, assuming no adsorption occurred.
The pH was adjusted, and the suspension was
equilibrated. Samples were then collected, filtered,
and analyzed for PO4 concentration following the
same procedures as in Set 1. Set 3: The competitive
effect of HCOs; on PO. adsorption was further

evaluated in the presence of Ca?". Ferric
(hydr)oxide (0.125 g) was equilibrated with 225 mL
of a solution (225 mL) containing 0.2275 mM POg4
and 0.28 mM Ca?*, prepared in 10 mM NaCl. Then,
25 mL of a 25 mM NaHCOs solution was
introduced to the system and equilibrated for 4
hours at pH 6. The procedures for adding HCOg',
adjusting the pH, and collecting and analyzing
samples followed the same protocol described in
Set 1.

Aqueous phosphate analysis

Phosphate concentrations in all experiments were
determined spectrophotometrically by the
molybdenum-blue  method  with maximum
absorbance at 890 nm (Barman et al., 2024; Murphy
and Riley, 1962; Nagul et al., 2015). For each set of
experiments, the PO4 concentrations were quantified
by referencing them to a calibration curve
constructed using a mixed matrix solution.

Results
Ferric (hydr)oxides characterization

The XRD pattern of the synthesized ferric
(hydr)oxide (Fig. 1a) does not display distinctive
features of mineral phases, suggesting that the
product is primarily amorphous or poorly
crystalline. However, a weak peak around ~35° 26
may indicate the presence of ferrihydrite (Parmar
and Parmar, 2020; Rani and Tiwari, 2017; Zhou et
al.,, 2018). Fig. 1b and 1c show the FTIR
spectroscopic data for the synthesized ferric
(hydr)oxide, which exhibits several notable
spectral bands. The peaks at 1489, 1339, and 446
cm? are characteristic spectral features of
ferrihydrite (Liang et al., 2020). The 1628, 1070,
893, and 797 cm™ peaks are associated with
goethite (Liang et al., 2020; Liu et al., 2023).
Additionally, FTIR features at 1628 and 1070 cm!
may indicate hematite's presence, as supported by
previous studies (Liu et al., 2023). Taken together
with the XRD data, the FTIR spectra suggest that
the  synthesized  ferric  (hydr)oxide is
predominantly amorphous. However, it may
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contain minor proportions of crystalline phases
such as goethite and hematite.
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Fig. 1. XRD patterns (a) and FTIR spectra (b, ¢)
of the dried ferric (hydr)oxide.

Adsorption at static pH

The adsorption of PO4 onto ferric (hydr)oxides is
influenced by the aqueous speciation of PO, and the
protonation state of the solid surface (Gao and
Mucci, 2001; Sabur et al., 2022; Spiteri et al., 2008).
Generally, acidic pH conditions enhance PO,
adsorption onto ferric (hydr)oxides compared to
alkaline conditions (Li et al., 2016; Sabur et al.,
2022). This is due to the increased hydroxyl ions
(OH") concentration under alkaline conditions can
create an unfavorable environment for POs
adsorption by acting as a competitive ions and
increasing the surface's negative charge through OH-
adsorption (Li et al, 2016). Additionally, the
chemical composition of the adsorption medium can
affect PO, adsorption by altering its aqueous
speciation and modifying the surface's electronic
environment (Geelhoed et al., 1997; Sabur et al.,

2022; Talebi et al., 2016). PO4 can exist in several
forms with different protonation states in agqueous
solutions, such as HsPOa, H,PO4, HPO4?, and PO4%,
depending on solution pH and chemical constituents
(Li et al., 2016; Sabur et al., 2022). Consequently,
speciation diagrams of PO4 in different background
solutions were generated (Fig. 2) using PHREEQC
with the phreeqc.dat database (Parkhurst and Appelo,
2013).
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Fig. 2. Speciation of PO4 (0.25 mM) in (a) NaCl
(10 mM), (b) NaHCO3 (0.25 to 1.0 mM) (c) CaCl,
(0.25 to 1 mM), and (d) CaCl, and NaHCO; (0.25
to 1.0 mM Ca?* and HCOj' ions) across a range of
pH values at a temperature of 25 °C.

The phosphate adsorption experiments, both with and
without HCOg, reveal that HCO3™ competes with PO4
for surface binding sites on ferric (hydr)oxide,
resulting in decreased PO,; adsorption. This
competitive effect becomes more pronounced with
increasing HCOs concentration, as expected (Fig.
3a). While the competitive effect HCOs on POq
adsorption is minimal at or below pH 7.0, HCOs
significantly decreases POs adsorption (i.e., Kqg
increases) as the pH increases from slightly alkaline
to strongly alkaline conditions (Fig. 3a). For
instance, at pH 8.0, the Ky values for PO, adsorption
in the presence of three different HCOsz
concentrations 1.7, 2.1, and 2.3 times higher than
those in a 10 mM NaCl solution (0.39). At pH 10.0,
these values increase to 3.4, 6.2, and 8.4 times
compared to the value in NaCl solution (0.84).
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Because with increasing pH, HCOsz; gradually
deprotonates and starts forming fully deprotonated
COs* above pH 8.0 (Langmuir, 1997b) and
effectively competes with PO4 for the mineral
binding sites (Gustafsson and Antelo, 2022; Mendez
and Hiemstra, 2019; Rahnemaie et al., 2007).
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Fig. 3. PO4 (0.25 mM) distribution constant (Kg)
at the ferric (hydr)oxide-water interface in the
presence of 0.25 to 1.0 mM HCOs (a), and HCOs
(0.25 mM) plus Ca?" concentrations (b) as a
function of static pH at room temperature.

Divalent cations such as Ca?" and Mg?* are known to
enhance PO, binding to ferric (hydr)oxides,
particularly under alkaline pH conditions (Antelo et
al., 2015; Atouei et al., 2016; Gustafsson and Antelo,
2022; Millero et al., 2001; Rietra et al., 2001).
Generally, the adsorption of Ca?" and Mg?*" ions to
ferric (hydr)oxides increases with rising solution pH
due to enhanced electrostatic attraction between the
positively charged cations and the negatively charged

surface (Spiteri et al., 2008; Talebi et al., 2016). In
this study, POs adsorption in HCOs solution
increases (i.e., the Ky value decreases) as both the
concentration of Ca®*" and the pH rise (Fig. 3). The
effect of Ca* on POs adsorption becomes more
pronounced with increasing Ca?" concentrations. For
example, at pH 8.0, the Ky value for PO4 adsorption
in the presence of 0.25 mM HCOs is 0.66, which
decreases to 0.55, 0.37, and 0.24 with the addition of
0.05, 0.1, and 0.25 mM Ca?*', respectively. At pH
10.0, the Kg values for PO4 adsorption in the
presence of 0.25 mM HCOgs are 4.23, 2.26, and 0.90
with 0.05, 0.1, and 0.25 mM Ca*, respectively,
compared to 2.85 in the presence of 0.25 mM HCOgz
alone.
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Fig. 4. (a) Percentage of total POs (0.25 mM)
complexed with calcium in the presence of 0.05,
0.1, and 0.25 mM Ca?*. (b) Saturation indexes (SI)
of hydroxyapatite under the given experimental
conditions. The PO, speciation and Sl values are
computed using the PHREEQC Interactive 3.3.7
computer program and phreeqc.dat database
(Parkhurst and Appelo, 2013), incorporating the
dissociation constants of calcium phosphate
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mineral phases (Dorozhkin, 2017; Shafii et al.,
2024).

The higher Ky observed at pH 10.0 in the presence
of both 0.25 mM HCOs; and 0.05 mM Ca?,
compared to 0.25 mM HCOgs alone (Fig. 3), may
be attributed to stronger aqueous complexation of
PO, with Ca?* (Fig. 4a), which reduces the affinity
of PO4 for the solid ferric (hydro)oxides, or to the
precipitation or co-precipitation of PO, with Ca?*
on the solid surface.

The enhanced PO, adsorption with increasing
(from 0.05 to 0.1 and 0.25 mM) Ca?%
concentrations can be attributed to the formation
of calcium-phosphate (Ca-PO4) phases (Islam et
al., 2023), which is followed by the development
of ternary surface complexes involving Ca?*
adsorbed onto the positively charged surface.
Additionally, the removal of PO4 from the solution
via the formation of insoluble Ca-PO. complexes
at higher Ca?* concentrations is also
thermodynamically feasible, as revealed from the
calculated saturation index values (Fig. 4b), which
increase with rising pH and Ca?* concentrations
(Ca/P ratios) (Antelo et al., 2015; Ler and
Stanforth, 2003; Spiteri et al., 2008).

Adsorption at dynamic pH

The adsorption experiments were carried out using
freshly synthesized ferric (hydr)oxide under
controlled, constant pH conditions. In contrast,
ferric (hydr)oxides in natural soils and sediments
typically possess pre-adsorbed phosphate (PO4) on
their surfaces, and the pH in such environments
tends to vary gradually over time. Therefore, we
conducted PO, adsorption experiments under
dynamic pH conditions, progressively adjusting the
pH from 6.0 to 10.0. These dynamic pH envelope
experiments were conducted in three different types
of solution: (i) 10 mM NacCl, (ii) 0.25 mM HCOs,
and (iii) an equimolar concentration of HCO3™ and
Ca?* ions (0.25 mM each). The results reveal that
the Kq values for PO4 adsorption under dynamic pH
conditions decrease up to pH 8.0, followed by an

increase (Fig. 5a), suggesting the release of
adsorbed PO4 occurs after pH 8.0 in the absence of
HCOs". Notably, in the presence of HCOg', the Kq
value increases with increasing pH, highlighting the
competitive interaction of HCOsz with PO, for
surface binding sites, also revealed in the static pH
adsorption envelope experiments.
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Fig. 5. PO4 (0.25 mM) distribution constant (Kg)
at the ferric (hydr)oxides-water interface under a
dynamic pH condition (a). The comparison of Kg
values under dynamic and static pH conditions
(b).

When both HCOs; and Ca?* are present, the Kg
values remain relatively stable between pH 6.0 and
8.0 but increase above pH 8.0. Under alkaline
conditions, the Ky values are generally higher in the
HCOj3 system than the NaCl system, with the lowest
Kg values observed for the combined HCO3 and Ca?*
system (Fig. 5a), as expected. For example, at pH 9.0
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and 10.0, the Kg values in the presence of 0.25 mM
HCOg3 increased to 0.18 and 0.44, respectively,
compared to 0.10 and 0.22 in a 10 mM NaCl
solution. In contrast, the Kq values for the equimolar
concentrations of (0.25 mM) Ca?* and HCOs™ were
0.05 and 0.13 at pH 9.0 and 10.0, respectively.

The Ky values obtained under static and dynamic pH
conditions are compared in Fig. 5b. The results indicate
a significant difference between the two sets of Ky
values. More specifically, the Kq values obtained from
the PO, adsorption experiments conducted under
dynamic pH conditions are considerably lower than
those obtained under static pH conditions. For instance,
the Ky (static) to Kg (dynamic) ratio is approximately
0.16, which is substantially less than the expected 1:1
ratio. This result suggests that PO, immobilization
primarily occurs at the surface, with approximately
84% of the adsorbed-PO4 remaining immobilized and
not being released into the aqueous phase under
dynamic pH conditions, in contrast to the observations
made in the static pH condition experiments. This result
implies that immobilization of PO4 predominantly
occurred on the surface (Ler and Stanforth, 2003; Sabur
et al., 2022), possibly facilitated by the formation of
stronger binding interactions with surface functional
groups. This binding mechanism could hinder the release
of adsorbed PO, into the aqueous phase. For example,
adsorbed-POs may gradually form stronger complexes
with ferric iron present on the solid surface (Ler and
Stanforth, 2003) or may form stable surface complexes
(e.g., bi-dentate) via the transformation of weaker (e.g.,
outer-sphere and/or mono-dentate) complexes during the
pH transition from acidic to alkaline conditions (Sabur et
al., 2022; Zhong et al., 2007).

Discussion and significance

Bicarbonate tends to form surface complexes with
ferric (hydr)oxide that are less stable than those
formed with PO4, as demonstrated in previous
research (Rahnemaie et al., 2007). However, the
HCOs concentrations in natural waters are typically
higher than PO4 (Sabur, 2019). Generally, HCO3 in
natural waters is regulated by several factors,
including the diffusion of CO, from the atmosphere,
the dissolution of carbonate minerals (e.g., calcite,

aragonite, and dolomite), as well as fluvial input
(Langmuir, 1997b). Additionally, the relative rates of
photosynthesis and respiration often play a role in
controlling HCO3 concentrations in surface waters
(Langmuir, 1997b; Verspagen et al., 2014). For
instance, dissolved CO, and HCOj3™ are consumed by
primary producers during photosynthesis, with
HCO3 being generated as a byproduct of organic
matter mineralization (Verspagen et al., 2014).

Calcium ions enter aquatic environments through
fluvial transport, groundwater flow, and the
dissolution of carbonate minerals like calcite and
dolomite (Cerar and Urbanc, 2013; Langmuir,
1997a). The dissolution of typical carbonate minerals
results in an aqueous phase molar ratio of Ca?* to
HCO3;/COz% at ~1:1 (Cerar and Urbanc, 2013).
However, data from the US National Water
Information System (NWIS) indicate that the
concentration of HCOs™ in natural waters is
approximately ten times higher than that of Ca?" (Fig.
6). The surface water HCO3 and Ca?* concentrations
(ponds, impoundments, and lakes) indicate the
contribution of other sources (e.g., organic matter
mineralization) involved for in-situ generation of
HCO3z (Langmuir, 1997b). The NWIS data were
extracted from the US NWIS database using the
USGS parameter codes 00453 and 0915,
respectively. The concentrations of HCOs™ and Ca?*
were extracted (between 2010 and 2016) for common
sampling stations and dates of sampling from all
water depths available in the database.
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Elevated PO4 concentrations in natural waters often
correlate with HCOsz (Smolders et al., 2006),
indicating that HCOs may slightly enhance PO4
mobility by reducing its adsorption. However, the
release of phosphate (PO+*") from mineral surfaces
induced by bicarbonate (HCOs") is unlikely,
particularly in the presence of naturally occurring
cations such as calcium (Ca?"). Nevertheless, in
aquatic environments where HCO3™ primarily arises
from the mineralization of organic carbon rather
than the dissolution of carbonate minerals, HCO3z
may contribute to enhanced PO mobility.

Conclusions

In this study, we examine the individual and
combined effects of HCOs~ and Ca*" ions on the
mobility of phosphate (PO.) at the ferric
(hydr)oxide—water interface under both static and
dynamic pH conditions. Our adsorption pH envelope
experiments demonstrate that HCOs~ can compete
with POs for binding sites on mineral surfaces.
However, in the presence of Ca?', this competitive
effect is diminished, particularly under alkaline pH
conditions.

Results from adsorption experiments under dynamic
pH conditions further show that the ability of HCOs~
to act as a desorbing agent for PO. is relatively weak,
especially when Ca?*" is also present. In natural
waters, where HCOs™ concentrations are significantly
higher than those of PO+*~, HCOs~ may enhance the
mobility of PO4 by reducing its adsorption to mineral
surfaces. Nonetheless, in aquatic systems buffered by
carbonate mineral dissolution, the coexistence of
Ca? can mitigate the competitive influence of
HCOs, thereby limiting the mobility of dissolved
phosphate.
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