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Abstract

The inhibition of heterogeneous calcite precipitation by orthophosphate was investigated under four different solution compositions
using a pH-stat system. The system composition was designed to maintain a constant degree of supersaturation with respect to calcite,
but with different carbonate/calcium ratios and pH values during precipitation. Inhibition in the presence of orthophosphate was found
to be more effective at lower carbonate/calcium ratios and lower pH values. With the assumption that the calcite precipitation rate is
proportional to the surface concentration of active crystal-growth sites, the reduction in the rate of calcite precipitation by phosphate
can be explained by a Langmuir adsorption model using a conditional equilibrium constant and total phosphate concentration. Through
a detailed analysis of chemical speciation in the solution phase and calcite surface speciation using chemical equilibrium computer mod-
eling, the ‘‘conditional’’ equilibrium constants obtained at different solution compositions were found to converge to a single ‘‘non-con-
ditional’’ value if only CaHPO4ðaqÞ

0 was considered in the adsorption reaction. This suggests that CaHPO4ðaqÞ
0 is the responsible species

for inhibition of calcite precipitation because it adsorbs to the surface and blocks the active crystal-growth sites. The standard enthalpy
change (DH0) and standard entropy change (TDS0) of the adsorption reaction, determined by experiments performed from 15 to 45 �C,
were 58.5 and 98.3 kJ/mol, respectively. The high positive values of the standard enthalpy change and the standard entropy change sug-
gest that the adsorption reaction is an endothermic reaction, chemisorptive in nature, and driven by the entropy change, most likely
resulting from the dehydration process that accompanies the adsorption of CaHPO4ðaqÞ

0 onto the calcite surface.
� 2006 Elsevier Inc. All rights reserved.
1. Introduction

Phosphorus exists in natural waters in particulate and
dissolved form. It is known that phosphorus is a limiting
nutrient for the growth of algae and macrophytes in some
fresh water systems and enrichment with phosphorus is
associated with toxic algal blooms (Kotak et al., 1995)
and lake eutrophication (Schindler, 1974).

Geochemical cycling of phosphorus in natural waters
exhibits seasonal variations and the release and uptake of
phosphorus by sediments is known to be an important pro-
cess controlling internal phosphorus cycling in the water
0016-7037/$ - see front matter � 2006 Elsevier Inc. All rights reserved.
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column (Jensen et al., 1995; House and Denison, 2002;
Evans and Johnes, 2004; Evans et al., 2004). Among all
the possible interactions between phosphorus and sedi-
ments, adsorption and release of phosphate by iron oxide
at the oxic/anoxic boundary in the sediment, and adsorp-
tion and co-precipitation of phosphate with calcite are
most important processes controlling phosphorus concen-
tration in natural aquatic systems (Jensen et al., 1995;
House, 2003). In some waters that are highly supersaturat-
ed with respect to calcite, the interaction between calcite
and phosphate is considered to be a principal process for
removing phosphate, particularly during periods of intense
photosynthesis (Dittrich and Koschel, 2002; House, 2003).
Successful immobilization of phosphorus has also been
artificially achieved by the introduction of calcite seed or
lime in eutrophic lakes (Dittrich et al., 1997; Prepas
et al., 2001; Berg et al., 2004; Walpersdorf et al., 2004).
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Phosphate has long been recognized as an inhibitor of
calcite precipitation (Reddy, 1977; Ishikawa and Ichikuni,
1981; Mucci, 1986; Giannimaras and Koutsoukos, 1987;
House, 1987; Burton and Walter, 1990). The adsorption
of phosphate on the calcite surface blocks active crystal-
growth sites and retards calcite precipitation. Several
laboratory studies have shown that the adsorption of
phosphate onto calcite (De Kanel and Morse, 1978;
Giannimaras and Koutsoukos, 1987; van der Weijden
et al., 1997; Millero et al., 2001) and the inhibition of cal-
cite precipitation by phosphate (Mucci, 1986; Burton and
Walter, 1990) are pH-dependent, suggesting that certain
phosphate species are the predominant species interacting
with the calcite surface. In an attempt to determine the
phosphate species responsible for this phenomenon, how-
ever, some studies have focused only on the protonated
and deprotonated phosphate species (H3PO4, H2PO4

�,
HPO4

2�, and CaHPO4
3�) without considering complexa-

tion of phosphate with metal ions in solution, such as
Ca2+, which was present at high concentrations in these
precipitation studies in order to make the solutions super-
saturated with respect to calcite (Mucci, 1986; Burton and
Walter, 1990). The effect of ionic strength on adsorption is
a controversial subject: Giannimaras and Koutsoukos
(1987) showed that adsorption decreased with increasing
ionic strength, while Millero et al. (2001) reported that
adsorption was essentially the same in seawaters with salin-
ities varying from 0 to 35 ppt as long as the concentration
of bicarbonate was kept constant. However, both studies,
as well as others (House et al., 1986), have shown signifi-
cant desorption of pre-equilibrated phosphate from calcite
in phosphate-free solutions or low phosphate seawater,
suggesting that electrostatic interactions may be important
in the adsorption of phosphate on the calcite surface.

In a previous study (Lin et al., 2005), we showed that the
complexation of anionic natural organic matter with Ca2+

facilitates its adsorption on the calcite surface and strongly
inhibits calcite precipitation. The objectives of the present
study are to: (1) investigate the effects of orthophosphate
on the kinetics of heterogeneous calcite precipitation using
an initial rate approach; (2) determine the phosphate spe-
cies responsible for inhibiting calcite precipitation, specifi-
cally whether Ca2+-phosphate complexation can be used
to explain the interactions between phosphate and calcite
Table 1
Solution compositions examined in this study (X = 5.3, I = 0.1)

Temp (�C) 25 25 25
CT/Ca2+a 0.5 1 5
(CO3

�)/(Ca2+) 0.0022 0.0086 0.23116

NaHCO3 (M) 0.004 0.004 0.004
CaCl2 (M) 0.008 0.004 0.0008
KCl (M) 0.0721 0.0840 0.0935
pH 7.68 7.95 8.67

Total P (lM) 0, 1, 2, 3 0, 1, 2, 3, 4 0, 1, 3, 5

a CT represents the total inorganic carbon concentration.
with respect to heterogeneous precipitation kinetics; and
(3) investigate thermodynamic properties of the responsible
reaction(s) by performing experiments at different
temperatures.

2. Materials and methods

2.1. Experimental procedures

The calcite precipitation experiments in the presence of
different phosphate concentrations were conducted using
a pH-stat system in solutions seeded with calcite. The
system maintains the target supersaturation state with re-
spect to calcite in the working solution by holding the pH
at a constant level through the concurrent injection of
equivalent amounts of equimolar CaCl2 and Na2CO3

solutions (0.053 M, I = 0.1) as calcite precipitates during
the course of the experiment (90 min). Reagent-grade cal-
cite (300 mg/L, Fisher Chemical Co.) was introduced to
the working solution (500 mL) to initiate heterogeneous
calcite precipitation. The specific surface area of the
calcite seed was 0.278 m2/g, as determined by the 3-point
N2-BET method (Brunauer et al., 1938). The pH-stat
system was verified to perform satisfactorily in prelimin-
ary precipitation experiments using phosphate-free solu-
tions, in which the final Ca2+ concentration (determined
by 0.01 M EDTA titration with murexide as the indicator)
and alkalinity (determined by 0.02 N sulfuric acid titra-
tion with bromcresol green-methyl red solution as the
indicator) agreed within ±10% of the initial Ca2+ concen-
tration and alkalinity. The rates of heterogeneous calcite
precipitation were determined for solutions with four dif-
ferent CT/Ca2+ ratios (CT represents the total inorganic
carbon concentration) and temperatures in the absence
or presence of orthophosphate (Table 1). All solutions
were prepared using reagent-grade chemicals with the
same degree of supersaturation (X = 5.3), which is defined
as:

X ¼
ðCa2þÞ CO3

2�� �
Ksp

; ð1Þ

where (Ca2+) and (CO3
2�) are the activities of calcium and

carbonate ions in the solution, respectively, and Ksp is the
25 15 35 45
10 1 1 1
0.9997 0.0086 0.0086 0.0086

0.004 0.00475 0.00345 0.003
0.0004 0.00475 0.00345 0.003
0.0945 0.081 0.0862 0.088
9.01 7.95 7.95 7.95

0, 1, 3, 5 0, 1, 3, 5 0, 1, 3, 5 0, 1, 3, 5



Table 2
Thermodynamic data for solution-phase and surface complexation
reactions used for chemical speciation analysis

Solution-phase reactions logK Source

(1) H+ + CO3
2� = HCO3

� 10.329 a

(2) 2H+ + CO3
2� = H2CO3(aq) 16.681 a

2+ + 2� þ a
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thermodynamic solubility product of calcite (Ksp = 10�8.48

at 25 �C). The pH value of the working solution was
adjusted to the target level for the desired degree of super-
saturation with 0.1 N NaOH or HCl, and ionic strength
was adjusted to 0.1 with KCl. All solutions were able to ex-
ist in a meta-stable state for at least 4 h without homoge-
neous nucleation as indicated by the constant pH
observed during this period. Phosphate was added to work-
ing solutions from a stock solution of Na2HPO4 followed
by the addition of calcite seed. The change in pH was ob-
served only after the calcite seed was introduced indicating
that heterogeneous nucleation on reactor walls and at the
water/headspace interface was absent. Details of the pH-
stat system and the preparation of the working solutions
can be found in Lin and Singer (2005) and Lin et al. (2005).

Typical data generated from the pH-stat system in the
presence of phosphate are shown in Fig. 1. Time zero rep-
resents the time at which the calcite seed was added to ini-
tiate heterogeneous precipitation. A quadratic regression
was used to fit the stepwise titrant addition data due to a
slight increase in precipitation rate resulted from the in-
creased seed surface area as experiment proceeded. Because
dissolved phosphate has been reported to continuously ad-
sorb to the calcite surface or to co-precipitate during the
overgrowth of calcite (Mucci, 1986; Burton and Walter,
1990), the initial rate of calcite precipitation was estimated
from the initial slope of the titrant addition versus time
curve. This approach was used to investigate the effects
of the initial dissolved phosphate concentration on the rate
of calcite precipitation. The rate of calcite precipitation in
such systems has been shown to be proportional to the sur-
face area of the calcite seed (Lin and Singer, 2005); there-
fore kinetic data reported in this study were normalized
by the initial surface area of the seed. The seed materials
were collected and dried at 35 �C in an oven for 24 h after
the completion of several precipitation experiments. X-ray
diffraction (XRD) analysis (Rigaku MultiFlex, Rigaku/
Fig. 1. Illustrative data obtained from pH-stat system in the absence and
presence of different concentrations of phosphate. Stepwise data are
recorded by the pH-stat system; smooth curves are quadratic regressions
of stepwise data (CT/Ca = 1, I = 0.1, 25 �C).
MSC) was performed on the dried material to determine
the crystalline form of the precipitate.

2.2. Calculation of speciation in the solution phase and on the

calcite surface

The soluble chemical speciation and calcite surface spe-
ciation under our experimental conditions were deter-
mined by Visual MINTEQ version 2.30 (Gustafsson,
2004). Table 2 summarizes the thermodynamic data for
the solution-phase reactions considered in these calcula-
tions. With respect to reactions at the calcite surface,
knowledge of the charge on the calcite surface in the ab-
sence of phosphate is crucial for understanding adsorp-
tion reactions. Calculation of the calcite surface
speciation under our experimental conditions was based
on the surface complexation model originally proposed
by van Cappellen et al. (1993) and later modified by Pok-
rovsky et al. (2000). The surface complexation reactions
and their intrinsic stability constants, Ko

int, used in these
calculations are also shown in Table 2. Surface densities
for both calcium and carbonate sites were assigned to
be 5 sites/nm2 (Davis and Kent, 1990) for the calcite crys-
tal employed. A constant capacitance model, with a dou-
ble layer capacitance of I1/2/0.006 (F/m2, I is ionic
strength) was used for the calculation of surface potential
(Pokrovsky et al., 2000). The surface sites were presumed
to be distributed homogeneously on the calcite surface.
(3) Ca + H + CO3 = CaHCO3 11.599
(4) Ca2+ + CO3

2� = CaCO3ðaqÞ
0 3.2 a

(5) Na+ + CO3
2� = NaCO3

� 1.27 a

(6) Na+ + H+ + CO3
2� = NaHCO3ðaqÞ

0 10.079 a

(7) H+ + PO4
3� = HPO4

2� 12.375 a

(8) 2H+ + PO4
3� = H2PO4

� 19.597 a

(9) 3H+ + PO4
3� = H3PO4 21.721 a

(10) Ca2+ + PO4
3� = CaPO4ðaqÞ

0 6.46 b

(11) Ca2+ + H+ + PO4
3� = CaHPO4ðaqÞ

0 15.035 a

(12) Ca2+ + 2H+ + PO4
3� = CaHPO4

þ 20.923 a

(13) Na+ + H+ + PO4
3� = NaHPO4

� 13.445 a

(14) K+ + H+ + PO4
3� = KHPO4

� 13.255 a

(15) Ca2+ + OH� = CaOH+ �12.697 a

(16) Ca2+ + Cl� = CaCl+ 0.2 a

Calcite/water surface complexation reactionsd log Ko
int Source

(17) >CaOH + H+ = >CaOH2
þe 11.5 c

(18) >CaOH = >CaO� + H+ �12 c

(19) >CaOH + CO3
2� + 2 H+ = >CaHCO3

0 + H2O 23.5 c

(20) >CaOH + CO3
2� + H+ = >CaCO3

� + H2O 17.1 c

(21) >CO3H = >CO3
� + H+ �5.1 c

(22) >CO3H + Ca2+ = >CO3Ca+ + H+ �1.7 c

aMartell et al. (1997); bSC-Database (1998); cPokrovsky et al. (2000);
dI = 0, 25 �C; e >symbolizes mineral surface.
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3. Results and discussion

3.1. Kinetics of calcite precipitation in the presence of

phosphate

The reduction in the rate of calcite precipitation by
phosphate was studied for four different solution composi-
tions with the same degree of supersaturation (X = 5.3) at
25 �C. The precipitation rate and the relative reduction in
the precipitation rate, expressed as Ri/Ro (Ro is the precip-
itation rate in the absence of phosphate and Ri is the pre-
cipitation rate in the presence of phosphate), as a
function of initial total phosphate concentration are shown
in Fig. 2. The precipitation rates determined in this study
are comparable to those determined by Reddy (1977), giv-
en the similar degree of supersaturation employed in both
studies. Phosphate showed a stronger inhibitory effect on
calcite precipitation at the lower CT/Ca2+ ratios or at the
lower pH values. We use initial total phosphate concentra-
tion to analyze our data, instead of using final phosphate
concentration as suggested by some researchers (Mucci,
1986; Burton and Walter, 1990), because the final phos-
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Fig. 2. (a) Inhibition of calcite precipitation as a function of initial total
phosphate concentration at 25 �C. (b) Relative rate of calcite precipitation
(Ri/R0) as a function of initial total phosphate concentration.
phate concentration may not truly reflect the impact of
phosphate on the initial precipitation rate.

X-ray diffraction analysis indicated that calcite was the
only calcium carbonate crystalline phase present. Although
the solutions were also oversaturated with respect to calci-
um hydroxyapatite (HAP, Ksp = 10�3.421 at 25 �C) with a
degree of oversaturation of 106.26–106.65, the precipitation
of HAP is kinetically unlikely as suggested by Plant and
House (2002) who showed that the homogeneous nucle-
ation of HAP occurred only at degrees of oversaturation
greater than 109.4 and that the presence of calcite seed
was unable to promote heterogeneous nucleation of HAP
even at a supersaturation ratio of 1014.

3.2. Mechanism of inhibition of calcite precipitation by

phosphate

To simulate the interaction between phosphate and the
calcite surface and the impact of phosphate on calcite pre-
cipitation kinetics in our experiments, we assumed that the
adsorption of phosphate on the calcite surface follows a
simple Langmuir adsorption model, because a plateau or
the trend to approach a plateau in the calcite precipitation
rate was observed as the total initial dissolved phosphate
concentration increased for all solution compositions stud-
ied (Fig. 2). The interaction between phosphate and calcite
can be described by the following equation:

> S�-nH2Oþ P ¼ > S�-Pþ nH2O

Kcond ¼
½> S�-P�

½> S�-nH2O�½P� ; ð2Þ

where >S�-nH2O represents the hydrated free active crys-
tal-growth sites on the calcite surface, >S�-P represents
the sites at which phosphate is adsorbed, P represents total
dissolved phosphate, brackets represent the concentration
of each species (units for surface species and soluble species
are lmol/m2 and lM, respectively), and Kcond is a ‘‘condi-
tional’’ equilibrium constant. Phosphate is assumed to re-
place adsorbed water molecules and perhaps undergoes
dehydration at the calcite surface (House et al., 1986).
The reason we assign a negative charge to the hydrated free
active crystal-growth sites is that, from our earlier work
(Lin and Singer, 2005), the active crystal-growth sites on
the calcite surface were identified to be >CaCO3

� and
>CO3

�, and they are expected to exhibit similar reactivity
in the presence of foreign ions. The concentration of the
hydrated free active crystal-growth sites in the presence
of phosphate can be expressed as:

½>S�-nH2O� ¼ ½>S�-nH2O�T
1þ Kcond½P�

; ð3Þ

where [>S�-nH2O]T represents the total hydrated active
crystal-growth sites before phosphate adsorption (lmol/
m2). Assuming that the calcite precipitation rate is propor-
tional to the concentration of available active sites on
the calcite surface, the effect of varying total phosphate



2534 Y.-P. Lin, P.C. Singer 70 (2006) 2530–2539
concentration on the precipitation rate can then be ex-
pressed by the following equation:

R0 � Ri

Ri

¼ Kcond½P�; ð4Þ

where R0 is the calcite crystal-growth rate in the absence of
phosphate and Ri is the inhibited calcite crystal-growth rate
in the presence of phosphate. A similar expression has been
used successfully to model the impacts of various ionic spe-
cies on calcite precipitation, such as phosphorus-containing
anions (Reddy, 1977); metal ions (Reddy and Wang, 1980;
Meyer, 1984; Dromgoole and Walter, 1990) and natural
organic matter (Lin et al., 2005).

Fig. 3 shows a plot of (R0 � Ri)/Ri vs. [P] for all solution
compositions investigated in this study, with all regression
lines forced through zero. We observed linear relationships
between (R0 � Ri)/Ri and [P] (R2 = 0.79 � 0.99) for each
set of conditions suggesting that simple Langmuir adsorp-
tion can be used to describe the effect of phosphate on cal-
cite precipitation kinetics. The slopes of these linear
relationships are the conditional equilibrium constants,
Kcond. In general, the values of Kcond increase with decreas-
ing CT/Ca2+ ratio or pH value.

Blockage of active crystal-growth sites by adsorbed
phosphate has been widely accepted to be responsible for
the reduced rate of calcite precipitation (Reddy, 1977;
House and Donaldson, 1986; Mucci, 1986; Giannimaras
and Koutsoukos, 1987; Burton and Walter, 1990). Howev-
er, the literature gives conflicting evidence as to which
isotherm models can best describe phosphate adsorption
onto calcite. Reddy (1977) and Giannimaras and Koutsou-
kos (1987) reported that a simple Langmuirian model
could be used to describe the reduction of the calcite
precipitation rate in the presence of phosphate in fresh
water at pH values of 8.8 and 8.5, respectively. House
and Donaldson (1986) showed that a two-component
Langmuirian model, involving the competition between
PO4

3� (or CaPO4
�) and HPO4

2� (or CaHPO4
0) for

the same sites on the calcite surface, best described the
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Fig. 3. Inhibition of calcite precipitation by phosphate in accordance with
Eq. (4). Slope is the value of the conditional equilibrium constant Kcond.
pH-dependent adsorption of phosphate in fresh water from
pH 7 to 9.5. De Kanel and Morse (1978) and Mucci (1986)
studied the adsorption of phosphate on calcite and the
inhibition of calcite precipitation by phosphate in simulat-
ed seawater solutions. They found that only the Elovichian
chemisorption theory, which assumes an exponential
decrease in the available adsorption sites over time, could
satisfactorily describe their data because of the absence of
an observable plateau in their plots of adsorbed phosphate
concentration versus dissolved phosphate concentration.
The discrepancy among the modeling results in these
studies (including the present study) is most likely due to
the different adsorption behavior of phosphate on the
calcite surface in fresh water and in seawater-like solutions.

3.3. Key reaction for the inhibition of calcite precipitation by

phosphate

It should be noted that for any chemical reaction, the
equilibrium constant should indeed be a ‘‘constant’’ for
any given temperature and pressure (25 �C and 1 atm,
respectively, in our experiments). The ‘‘conditional’’ nature
of the Kcond values shown in Fig. 3 must result from the
fact that only certain phosphate species are involved in
the adsorption reaction, rather than total phosphate. As
shown in Table 2, there are nine possible phosphate-con-
taining species in our experimental system; the total phos-
phate concentration is a summation of the concentration of
each of these nine species:

½P� ¼ ½H3PO4� þ H2PO4
�� �
þ HPO4

2�� �
þ PO4

3�� �

þ CaH2PO4
þ� �
þ CaHPO4

0
� �

þ CaPO4
�� �

þ NaHPO4
�� �
þ KHPO4

�� �
ð5Þ

Because the interaction between phosphate and calcite is
somewhat electrostatic in nature (Giannimaras and Kout-
soukos, 1987), it is likely that not all of the phosphate spe-
cies shown in Eq. (5) contribute to phosphate adsorption.
If the responsible species are identified, the conditional
equilibrium constant obtained by Eq. (4) and Fig. 3 may
converge to a single ‘‘non-conditional’’ equilibrium con-
stant. To determine the responsible species, we plotted
(R0 � Ri)/Ri vs. the activity of each species as shown in
Fig. 4 (H3PO4 is not shown due to it low activity,
<10�12). An examination of all the plots in Fig. 4 shows
that only those for (CaHPO4ðaqÞ

0) and (H2PO4
�) (parenthe-

sis denotes activity) converge toward one K value for all
CT/Ca2+ conditions tested, suggesting that both
CaHPO4ðaqÞ

0 and H2PO4
� could be the responsible species

that adsorb on the calcite surface and inhibit calcite precip-
itation. However, the surface sites responsible for calcite
precipitation are shown to be >CaCO3

� and >CO3
� (Lin

and Singer, 2005), and the surface charge of calcite is neg-
ative under most of our experimental conditions as deter-
mined by calcite surface complexation modeling (see
Fig. 3(b) in Lin et al. (2005)). Hence, it is expected that
the negatively charged H2PO4

� species should have less
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affinity toward the negatively charged calcite surface and
should not be extensively adsorbed. In fact, the conver-
gence of the plot using H2PO4

� might simply result from
the linear correlation between (H2PO4

�) and
(CaHPO4ðaqÞ

0). According to reactions (8) and (11) in Table
2, (H2PO4

�) is correlated to (CaHPO4ðaqÞ
0) through the fol-

lowing relationship:

H2PO4
�� �
¼ K8

K11

ðHþÞ
ðCa2þÞ

CaHPO4ðaqÞ
0

� �
; ð6Þ

where Ki represents the equilibrium constant for reaction
(i) in Table 2.

From Eq. (1) and reactions (1) and (2) in Table 2, Eq. (6)
can be rewritten as:

H2PO4
�� �
¼ K8

K11

cCO3
2� � CT � a2 � ðHþÞ

X � Ksp

CaHPO4ðaqÞ
0

� �
;

ð7Þ
where cCO3

2� is the activity coefficient for CO3
2� and a2 is a

distribution function for carbonic acid (Stumm and Mor-
gan, 1996), which can be expressed as follows:

a2 ¼
1

K2ðHþÞ2 þ K1ðHþÞ þ 1
. ð8Þ

Since cCO3
2� , CT, X, and Ksp are all constants under our

experimental conditions, and the value of a2 Æ (H+) is also
close to being constant for pH values varying from
7.68 to 9.01 (minimum of 4.46 · 10�11 at pH 9.01;
maximum of 4.59 · 10�11 at pH 8.30), a linear relationship
between H2PO4

� and (CaHPO4ðaqÞ
0) is expected, i.e.,

(CaHPO4ðaqÞ
0) � 4(H2PO4

�).
Based on the above analysis, we believe that

CaHPO4ðaqÞ
0 is the primary species that adsorbs on the cal-

cite surface and inhibits calcite precipitation, although
H2PO4

� and other negatively charged species might still
contribute to a small fraction of phosphate adsorption
through an anion exchange mechanism (Ishikawa and
Ichikuni, 1981; House and Donaldson, 1986). The reaction
responsible for the adsorption of phosphate and the subse-
quent inhibition of calcite precipitation can therefore be
expressed as follows:

>S�-nH2Oþ CaHPO4ðaqÞ
0 ¼ >S�-CaHPO4

0 þ nH2O

KCaHPO4
0 ¼ 9:28ð�0:93Þ � 106; ð9Þ

where KCaHPO4
0 is a ‘‘non-conditional’’ equilibrium con-

stant for the site-specific reaction and its value, shown in
Eq. (9) with 95% confidence limits, can be obtained from
the slope of Fig. 4(e). Accordingly, the effect of varying to-
tal phosphate concentrations on the calcite precipitation
rate can be expressed by the following equation:

R0 � Ri

Ri

¼ KCaHPO
4ðaqÞ

0 CaHPO4ðaqÞ
0

� �
. ð10Þ

The importance of Eq. (9) in the inhibition of calcite
precipitation is further demonstrated in Fig. 5, where
the calcite precipitation rate (Fig. 2(a)) is plotted as a
function of the residual active crystal-growth site concentra-
tion ([>CaCO3

�] + [>CO3
�])active after phosphate adsorp-

tion. The residual active crystal-growth site concentration
is calculated from the site concentration [>CaCO3

�] +
[>CO3

�] before phosphate adsorption minus the sites
occupied by (CaHPO4ðaqÞ

0) as determined using Eq. (9).
The linear relationship (y = 1.3x, R2 = 0.88) between the
calcite precipitation rate and ([>CaCO3

�] + [>CO3
�])active

strongly suggests that CaHPO4ðaqÞ
0 is the only important

species that blocks active crystal-growth sites, and that
those active sites responsible for calcite precipitation are
>CaCO3

� and >CO3
� as suggested by Lin and Singer

(2005).

3.4. Thermodynamics of phosphate adsorption on the calcite

surface

In order to determine the thermodynamic parameters of
the reaction described in Eq. (9), we performed additional
pH-stat experiments from 15 to 45 �C using solutions with
the same degree of supersaturation (X = 5.3, Table 1). The
calcite precipitation rate and the relative reduction in pre-
cipitation rates as a function of initial total phosphate con-
centration for different temperatures are shown in Fig. 6.
The plots of (R0 � Ri)/Ri vs. (CaHPO4ðaqÞ

0) used for deter-
mining the value of KCaHPO4

0 for each temperature are
shown in Fig. 7.

The standard free energy (DG0) for the reaction can be
estimated from the following equation:

DG0 ¼ �RT ln KCaHPO
4ðaqÞ

0 ; ð11Þ

where R is the ideal gas constant and T is the absolute
temperature.

The standard enthalpy change (DH0) for the reaction
can be estimated by the values of KCaHPO4

0 determined at
different temperatures using the integrated form of the
van’t Hoff equation:
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Fig. 8. van’t Hoff plot of non-conditional stability constant CaHPO4ðaqÞ
0

at different temperatures. Slope is equal to �DH0/R.

Table 3
Summary of thermodynamic data for the adsorption of CaHPO4ðaqÞ

0 onto
calcite (25 �C, 1 atm) (all units are kJ/mol)

DG0 DH0 TDS0

�39.8 58.5 98.3
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Fig. 6. (a) Inhibition of calcite precipitation as a function of initial total
phosphate concentration at different temperatures (b) Relative rate of
calcite precipitation (Ri/R0) as a function of initial total phosphate
concentration at different temperatures.
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Fig. 7. Inhibition of calcite precipitation by phosphate at different
temperatures in accordance with Eq. (10).
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ln KCaHPO
4ðaqÞ

0 ¼ �DH 0

RT
þ C; ð12Þ

where C is the constant of integration.
DH0 is assumed to be independent of temperature be-
cause of the low concentrations of phosphate (1–5 lM)
and the narrow temperature range (15–45 �C) employed
in our experiments. The plot of ln KCaHPO

4ðaqÞ
0 vs. T�1

in accordance with Eq. (12) is shown in Fig. 8. A good
linear relationship between ln KCaHPO

4ðaqÞ
0 and T�1 was ob-

served (R2 = 0.99). The slope of the plot of ln KCaHPO
4ðaqÞ

0

vs. T�1 is equal to DH0/R according to Eq. (12).
The standard free energy change contributed by the

standard entropy change (TDS0) can be calculated from
the following equation:

TDS0 ¼ DH 0 � DG0. ð13Þ
Thermodynamic data for the adsorption reaction (Eq. (9))
calculated from Eqs. (11) to (13) are summarized in Table
3. House and Donaldson (1986) documented that the
enthalpy change for the adsorption of HPO4

2� onto calcite
was 43.5 kJ/mol. The smaller value they obtained most
likely results from an incomplete analysis of solution speci-
ation, e.g., omission of important sorptive species such as
CaHPO4ðaqÞ

0. The high positive values of DH0 (58.5 kJ/
mol) and TDS0 (98.3 kJ/mol) from our analysis suggest
that the adsorption of CaHPO4ðaqÞ

0 onto active calcite crys-
tal-growth sites is endothermic, chemisorptive in nature,
and driven solely by entropy change, most likely resulting
from the release of water molecules from the calcite surface
to compensate for the adsorption of CaHPO4ðaqÞ

0. The
chemisorptive nature also explain why CaHPO4ðaqÞ

0, a neu-
tral species, has a strong affinity for the negatively charged
calcite surface.
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3.5. Phosphate inhibition mechanisms based upon empirical

kinetic models, in situ surface imaging techniques, and

surface complexation models

Two other major routes for interpreting the effects of
impurities on calcite precipitation kinetics arise from stud-
ies based upon: (1) empirical kinetic models (Mucci, 1986;
House, 1987; Burton and Walter, 1990) and (2) in situ sur-
face imaging techniques, such as atomic force microscopy
(AFM) or scanning force microscopy (SFM) (Dove and
Hochella, 1993; Davis et al., 2000; Orme et al., 2001; Astil-
leros et al., 2002)

The use of an empirical kinetic model to interpret pre-
cipitation inhibition kinetics relies on the success of the
empirical rate expression shown in Eq. (14) to describe
experimental observations, with X as the sole variable
(Morse, 1983):

R ¼ kðX� 1Þn; ð14Þ

where k and n are the empirical rate constant and reaction
order, respectively.

Many researchers have attempted to correlate the empir-
ical reaction order to surface processes involved in calcite
precipitation (Nancollas and Reddy, 1971; Reddy and
Gaillard, 1981; Nielsen, 1983; Blum and Lasaga, 1987;
Shiraki and Brantley, 1995). However, we have shown that
Eq. (14) failed to model calcite precipitation kinetics for
solutions with the same degree of supersaturation but differ-
ent CT/Ca2+ ratios, such as those used in this study (Lin and
Singer, 2005). More importantly, an atomic force microsco-
py study demonstrated that Eq. (14) cannot be simply used
to correlate any growth processes that occur at mineral sur-
faces (Teng et al., 2000). Thus, using an empirical kinetic
model to further explain the effects of inhibitors on calcite
precipitation will provide limited mechanistic information.

The use of AFM or SFM significantly improves the
understanding of surface processes during calcite precipita-
tion. Usually AFM and SFM provide images that capture
the advances of steps and changes in surface morphology
as a function of time, which allow for the calculation of
step velocity and in situ observation of surface processes
during precipitation. Teng et al. (2000) showed that for
solutions in the absence of an inhibitor, with X less than
about 2, calcite crystal growth proceeds by step flow at
surface defects, while for solutions with X greater than 2,
two-dimensional surface nucleation become increasingly
important. Considering the supersaturation state of our
working solutions (X = 5.3), it leads us to believe that the
adsorption of CaHPO4ðaqÞ

0 on the calcite surface alters
the formation and subsequent growth of surface nuclei,
and results in the reduced precipitation kinetics we
observed. In fact, a study by Dove and Hochella (1993)
using SFM showed that the influence of phosphate on
calcite precipitation depends on calcite surface history in
solution with supersaturation ratios greater than 2. If phos-
phate is introduced during the surface nucleation stage,
surface nuclei show amorphous shapes; if phosphate is
introduced during layer growth, relatively straight steps be-
come jagged ones.

It should be noted that the details of surface speciation
cannot be revealed by AFM or SFM, and the use of surface
complexation modeling requires a simplifying assumption
that active growth sites are distributed uniformly on the
calcite surface. This assumption obviously needs modifica-
tion, for example, by assigning a higher activity to those
sites located at surface defects due to their higher surface
energies (Mullin, 2001). A more precise description of the
effects of phosphate and other impurities on calcite precip-
itation kinetics in terms of both surface speciation and sur-
face processes may be developed by combining direct
surface observations and surface complexation modeling.

4. Conclusions

Through a detailed analysis of solution speciation and
surface speciation in solutions containing calcium, carbon-
ate, phosphate and suspended calcite seed, CaHPO4ðaqÞ

0

was found to be the responsible species that adsorbs on
the calcite surface and inhibits calcite precipitation. The
reduction in the calcite precipitation rate by phosphate
can be interpreted in terms of a Langmuir adsorption mod-
el using active crystal-growth sites and CaHPO4ðaqÞ

0 as the
adsorbing species. The standard enthalpy change and stan-
dard entropy change for the adsorption reaction suggest
that the reaction is a chemisorption process, and that the
adsorption is an endothermic reaction driven by the entro-
py change, most likely resulting from the dehydration pro-
cess on the calcite surface.
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