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Abstract

The influence of dissolved organic matter on the complex mechanism of calcite crystal growth from seawater was evaluated
by a set of experiments at different humic acid concentrations (i.e. [HA]=50, 500, 1000 pg/kg) in NaCl-CaCl, solutions at a
total ionic strength of 0.7 mol/kg. The temperature and Pco, of the experiments were maintained at 298 K and 40 Pa,
respectively. The constant addition technique was used in order to maintain [Ca® ] at =10.5 mmol/kg, while the [CO3 ~] was
varied to isolate its role on the precipitation rate. Assuming that the calcite precipitation in this solution is dominated by the
reaction:

ki
Ca®* + co§*f> CaCO; (A1)
b

where k¢ and k;, are the forward and reverse reaction rate constants, respectively, the net precipitation rate, R, can be described at
any dissolved organic matter content by the difference between the forward and reverse rates:

R = ke(ace)" (acor )™ — ko (A2)
or, in its logarithmic form:
log(R + ky) — logKs + n3log[CO3 ] (A3)

where n; are the partial reaction orders with respect to the participating ions, ¢ and 7y are the ion activities and activity
coefficients, respectively, and, K¢=kfaca: )" (yco? -)"™, a constant.

Results of this study indicate that, similarly to seawater and NaCl—CaCl, solutions at the same ionic strength, the
partial reaction order with respect to the carbonate ion concentration is 3, while the forward reaction rate constant, K,
decreases by one order of magnitude when the dissolved organic matter concentration increased from 0 to 1000 pg/kg.
This suggests that the mechanism of calcite precipitation is independent of the dissolved organic matter concentration even
if such a component inhibits the calcite precipitation rate. Applying our model to previous rate measurements carried out
in seawater solution under the compositional condition [Ca®>*]=[CO3 "], we found that the rate of calcite precipitation
from seawater solutions, a complex function of Pco, and seawater inorganic inhibitors, still decreases as a function of the
[HA] by at least one order of magnitude. Finally, we propose that the dissolved organic matter under the form of HA
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inhibits the calcite precipitation rate from seawater by covering the active growth sites rather than by complexation of

calcium in solution.
© 2003 Published by Elsevier B.V.
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1. Introduction

Identification of the role played by organic com-
pounds on the rate of carbonate precipitation has been
the object of considerable effort, since it has been long
suspected that organic coating on carbonate particles
may, to some extent, explain the supersaturation of
surface seawater with respect to calcium carbonate.
Kitano and Hood (1965), Kitano and Kanamori
(1966), Suess (1970) and Wada et al. (1993) indicate
that the inhibition power of organic material present in
seawater on calcite precipitation rate is roughly pro-
portional to the association constant of the organic
compounds with Ca®*. They suggested that the inhi-
bition can be related to calcium complex formation
with strong and moderate organic ligands (i.e. citrate,
malate, glycine and glycoprotein) that reduces the
amount of free-Ca and decreases the saturation state
of the solution with respect to CaCO;. A similar
hypothesis was postulated in the case of aragonite
precipitation inhibition from seawater when dissolved
organic matter was mainly constituted by humic
substances and/or aromatic substances (Chave and
Suess, 1970; Berner et al., 1978; Morse and Mack-
enzie, 1990). In particular, Berner et al. (1978) found
that rates decreased by a factor of 50 in the presence
of organic acids (i.e. gallic acid, mellitic acid, tannic
acid, and fulvic and humic acids), although some
compounds demonstrated little or no inhibition (i.e.
amino acids and fatty acids). Bischoff (1968) found
that acidic amino acids inhibited aragonite—calcite
transformation rates, whereas ‘neutral’ amino acids
catalysed this reaction.

Several rate equations have been proposed to
describe the precipitation and/or dissolution kinetics
of calcite under restricted sets of solution conditions.
Berner and Morse (1974) recognised that a simple
disequilibrium functionality could not satisfactorily
explain the kinetics of calcite dissolution over a large
pH range in seawater solutions and suggested that
different reactions dominate over various pH ranges.

Alternatively, a model which combines expressions
for four elementary reactions (Plummer et al., 1978)
was proposed to describe the rate of calcite dissolution
in dilute solutions over a wide range of pH and Pco,
values in terms of the sum of forward and reverse
reaction rates. In more complex solutions like seawa-
ter, empirical expressions (Morse, 1978; Mucci, 1986;
Burton and Walter, 1987) or mechanistic formulations
(Zhong and Mucci, 1993; Zuddas and Mucci, 1994,
1998) have been adopted to describe the rates of
calcite precipitation and dissolution. In these studies,
it was demonstrated that a similar rate expression can
be used to describe the kinetics of calcite precipitation
in both seawater and NaCl-CaCl, solutions at the
same ionic strength (i.e. 0.7 m) and calcium concen-
tration and that an increase of the total ionic strength
catalyses the calcite precipitation reaction.

The aim of this work was to evaluate the role of
dissolved humic acid, HA, on the mechanism of
calcite crystal growth from seawater. We also inves-
tigated the kinetics of this reaction in a simple, strong
electrolyte solution, where the influence of major
seawater constituents and known reaction inhibitors
such as Mg? * and SO ~ was neglected. The influence
of HA, a ‘minor’ seawater constituent, on the rate and
mechanism of calcite crystal growth was thus inves-
tigated in NaCl-CaCl, solutions at ionic strengths
similar to seawater (i.e. 0.7 mol/kg) and maximum
[HA] of 1 mg/kg.

2. A simplified theoretical view

The reaction of calcite crystal growth from strong
electrolyte solutions like seawater is macroscopically
represented by the addition of calcium and carbonate
ions at the crystal surface. The role played by the
surface during calcite crystal growth in the presence of
dissolved HA can be described assuming that both HA
and CO3z molecules occupy neighbouring sites and
that, the positive charged surface is covered by unoc-
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cupied calcium, >Ca® " (Cicerone et al., 1992; Zuddas
and Mucci, 1998). Let ¥ and Yo, be the fraction of
the surface sites covered by HA and CO3, respectively,
and let ¢, be the fraction of sites that are vacant:

Yy =1 = Iya — Jco,- (1)

The rate per unit area, v, is proportional to the fraction
of surface sites (Castellan, 1983):

v=kx > [Ca]2 X Yga X ’L9co3 (2)

As CO5; and HA are attached to the surface, CaCO;
and HACa molecule are adsorbed to the surface. Under
such a condition, the two adsorption reactions are:

k1
HA+ > Ca*" © HACayg; (3a)
and
k2
CO3 + > Ca*" © CaCOsuas (3b)

If [Ca], [HA] and [CO5] are invariant at a fixed rate,
the steady state equations are:

d[HACa]

abs __ 4
dt 0 (4a)
d[CaCO3],,
LT " To-abs _ 4
i 0 (4b)

Both Egs. (4a) and (4b) can be solved for ¥y and
YJco, using Eq. (1) (see Castellan, 1983). We will
consider only the case for which & is very small
(Brown et al., 1993). Assuming k=0, steady state
equations are:

79HA = K1 X [HA] X 19\, (Sa)
?9(;03 :K2 X [COg} X 19\/ (Sb)
where
K1 = kl/k,I and Kz = kz/k,2

(reversibility of the reactions) (5¢)

Substituting Eqs. (5a) and (5b) into Eq. (1) and re-
arranging we obtain:

1
9y =
14+ K, [HA] + K> [CO:J

This value of ¥, brings Egs. (5a) and (5b) to the form:

B Kl X [HA] (73)
o 1+K1 X [HA] +K2 X [CO3]

ﬁHA

B K2 X [CO3]
14K x [HA] + K x [CO;]

Uco, (7b)

Substituting Eqs. (7a) and (7b) into Eq. (2) the rate
law yields:

_ kXK x K,[> Ca] x [HA] x [COs]

(14K, x [HA] 4+ K, x [COs])? ®)

The two limiting cases of Eq. (8) are:

1. If both HA and COj; are weakly adsorbed, the
surface is sparsely covered. Under these condi-
tions: K; X [HA]<1 and K, X [CO5;]<<1. The
denominator of Eq. (8) is about equal to unity
and the rate law becomes:

v =k x K} x K»[> Ca] x [HA] x [COs] 9)

Under such a condition, the reaction of calcite
crystal growth would increase by the presence of
the DOM matter under the form of HA.

2. If HA is much more strongly adsorbed on the
surface than CO;5: K; X [HA]>K, X [CO3] and
K, X [HA]>1, and the rate equation becomes:

_ k x K, x [Ca] x [COs]
B K, x [HA]

(10)

The rate of the reaction is inversely proportional to
the concentration of the strongly adsorbed species
and HA inhibits the reaction.

According to this highly simplified scenario, dis-
solved organic matter under the form of HA can
enhance or limit the rate of calcite crystal growth
depending on both concentration and adsorption
constants clarifying the apparent contradiction be-
tween results of the different investigations (Suess,
1970; Berner et al., 1978; Wada et al., 1993). The
results of this simplified model are in agreement with
the high-resolution spectro-microscopic observations
of Myneni et al. (1999). They found that HA exhibits
more than one type of macromolecular structure at
high ionic strength and weakly alkaline aqueous
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solutions. The different organic groups thus behave
differently with respect to their adsorption on car-
bonate surfaces. However, it still remains difficult to
establish a rational predictive a priori model without
a full determination of the HA microscopic properties
at the seawater-solution carbonate interface.

3. Experimental

A slightly modified version of the constant addi-
tion technique (Zuddas and Mucci, 1994, 1998) was
used to conduct the calcite crystal growth experi-
ments. Initially proposed by Zhong and Mucci
(1993), this experimental system provides a steady
state environment during calcite growth and is suit-
able for investigations close to equilibrium conditions.
This last condition, frequently found in natural sol-
utions, is not easily simulated by experimental meth-
ods because of extremely slow reaction rates and
presence of natural inhibitors (Morse and MacKenzie,
1990; Zhong and Mucci, 1993). The reactor consisted
of a double-walled glass 500 ml separatory funnel in
which the temperature of the precipitating solution
was maintained at 298 & 0.1 K by re-circulating water
through the glass jacket from a constant temperature
bath. A supersaturated solution (i.e. 1.2<Q<10) was
delivered to the reactor at a selected constant rate by a
peristaltic pump using Tygon tubing. A water-saturat-
ed CO,/N, gas mixture of known composition was
introduced in the reactor, at a controlled rate, through
a glass frit fitted at the bottom of the separatory
funnel. Bubbling of the gas through the reacting
solution served to maintain the Pco, at a desired and
constant value, as well as keeping the mineral seed in
suspension. The validity of the steady state operating
assumption for the constant addition technique was
theoretically and experimentally demonstrated by
Zhong and Mucci (1993). In this work, it was con-
firmed by the constancy of pH and calcium concen-
tration throughout the duration of the experiments.

3.1. Starting material

Baker ‘Instra-analyzed flux reagent’ grade calcite,
treated by the procedure described by Mucci (1986)
was used as seed material for the calcite precipitation
experiments. Seeds have a well restricted size range

between 3 and 7 um as observed by Scanning Elec-
tron Microscopy (SEM) and a specific surface area
respectively of 0.52 m?/g as determined by the Kr-
BET method (deKanel and Morse, 1979).

All experiments were performed in NaCl solutions
at a total ionic strength of 0.7 mol/kg at a fixed
calcium concentration of 0.01 mol/kg introduced as
a chloride salt. Standard (Aldrich) humic acid (HA)
was added at concentrations of 0.05, 0.5 and 1 mg/kg.
To prevent microorganism development, solutions
were prepared by deionised—bidistilled waters and
CdCl, (i.e. 0.1-0.01 pmol/kg) was added. The func-
tional groups of the HA standard were characterised
following the method described by Stevenson (1982)
and Alberti et al. (1994) and its composition is
reported in Table 1. Solutions of a desired initial
saturation state were obtained by adding appropriate
amounts of Na,CO3; and NaHCOs to the NaCl—-CaCl,
solutions which had previously been equilibrated with
a CO,—N; gas mixture of known Pco,.

3.2. Experiments

The calcite crystal growth experiments were con-
ducted by first introducing 0.1 to 0.4 g of carbonate
seed into the empty reactor. The mineral growth was
then initiated by pumping the supersaturated solution
into the reactor at a constant rate. Typically, 6—8 ml of
solution were sufficient to completely wet the solid.
All the experiments were carried out at 298 + 1 K and
at a constant CO, partial pressure of 40 Pa. At the
beginning, during, and at the end of each experiment,
an aliquot of the reacting solution was sampled with a
plastic syringe and canula, filtered through a Milli-
pore® 0.45 pm filter, and stored in a plastic tube for
later analysis. The pH of the reacting solution was
monitored at regular intervals throughout the precip-

Table 1

Composition of the humic acid used in the experiments

Total acidity 5.43 meq/kg
Carboxylic groups 4.88 meq/g
Total C=0 groups 1.97
Ketones groups 0.42
Quinine groups 1.55

Total OH-groups 2.27
Alcoholic OH groups 1.72

Phenol OH groups 0.55
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itation using a combination glass-reference electrode
and by the Zhong and Byrne (1996) colorimetric
methods.

3.3. Analysis

Calcium concentration and carbonate alkalinity
were determined by potentiometric titration according
to procedures described by Mucci (1986). At high
dissolved organic matter levels, calcium may be
complexed by HA. Since the lack of quantitative
model for strong electrolyte solutions (Tipping et al.,
2002) a comparative titration (made with and without
HA) indicates that the amount of complexed calcium
is 25% and 10% when [HA] is 1000 and 100 pg/kg,
respectively. At lower [HA], the binding HA action
has been found to be negligible in our experimental
conditions. Similarly, the negative charge of the HA in
our experimental solutions has been estimated to
correspond to 7% of the total alkalinity for the highest
[HA].

The electrode used for pH potentiometric determi-
nation was calibrated against three NIST-traceable
buffer solutions (pH=4.01, 7.00, 9.00 at 298 K).
Reproducibility of pH calibrations, carried out before
and after measurements of a single solution, was
better than 0.005 pH unit. Because of problems
inherent to the use of glass electrodes calibrated using
NIST buffers in strong electrolyte solutions (see
DOE, 1994, for a review), this measurement was only
used to verify that steady state conditions were
maintained throughout the precipitation. Otherwise,
pH was also measured by the colorimetric method of
Zhong and Byrne (1996). Briefly, this methods is
based on the proton exchange behaviour of thymol
blue (HI“>I> ~+H") and the molar absorbance char-
acteristic of the unprotonated (I*> 7) and protonated
(HI™) forms of this indicator. The equation used to
estimate pH in our strong electrolyte solution from
spectrophotometric measurement was:

i
& _Rx &
o

where pK; is equal to 8.559, R is the ratio of the
absorbencies produced by thymol blue in our exper-
imental solutions at the absorbance maxima of I* ~

(596 nm) and HI™ (434 nm), and ¢/ is the molar
absorption coefficient of I ~ (or HI ") at wavelength A
(Lefevre et al., 1993; Zhong and Byrne, 1996).

Morphologies of reacted and unreacted calcite
crystals were examined using the JEOL Scanning
Electron Microscopy (SEM).

3.4. Aqueous solution calculations

The saturation state of the precipitating solution
with respect to calcite, Q., was calculated according
to:

Q. = [Ca*"][CO37] /K¢ (12)

where K¢ is the calcite stoichiometric solubility
constant in the NaCl—-CaCl, solutions.

The total calcium concentration was measured
directly, while the CO3 ~ ion concentration was cal-
culated from pH, carbonate alkalinity and appropriate
stoichiometric equilibrium constants of the carbonic
acid system.

The CO, solubility, carbonic acid stoichiometric
dissociation and calcite solubility constants in our
experimental solutions were calculated from constants
determined in seawater Kﬁsw)at equivalent ionic
strengths (Weiss, 1974; Mucci, 1983; Roy et al,,
1993) and total ion activity coefficients ); of the
carbonic acid species in the experimental solution.
The ion pairing model of Millero and Scheiber (1982)
was used to estimate the ion activity coefficients, y; at
each ionic strength.

YHCO
KT(NaCl): Kl*(sw) COsw). (13)

.
PHCO3 vac)

q q
7CO;5 ) VHCO
%k * 3(sw) 3(NaCl)
KZ(NaCl): Kz(sw) o (14)
i CO3Nact) VHCO}(SW)

VCa(sw) VCO3<S\V)

K:(NaCl) = K;k(sw) ( 15)

YCa(NaCl) yCO3(Nacl)

The estimated calcite stoichiometric solubility con-
stants and carbonic acid dissociation constants are
reported in Table 2. The uncertainty on the carbonate
ion speciation is estimated to be between 8% and 10%
of the Log[CO3 ] values.
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Table 2

Apparent dissociation constants of carbonic acid and stoichiometric
solubility of calcite in NaCl—CaCl, solutions at the ionic strength of
0.7 mol/kg (T=298.15 K, Pco,=40 Pa)

o=[H,CO3}/Pco,=0.0028

K} =10"P" x [HCO3)/[H,CO;3]=9.72 X 10~
K3=10"PH x [CO3 J/[HCO3]=4.68 x 10~ '°
K. =[Ca® "] x [CO3 ]=2.29%x 10"

3.5. Rate estimation

The precipitation rate (R, umol m~ 2 h™ ') was
calculated from the difference in carbonate alkalinity
(meq/kg) between the input (Alkg) and reacting
(Alkgs) solutions at steady state and 7, the injection
rate (kg h™'). The rate was normalized to the initial
surface area of the calcite seeds:

R = i(Alkg — Alkss)/SWieeq (16)

where Wj..q is the initial weight of the calcite seed and
S is the specific reactive surface area. Since less than
10% of the initial seed weight was precipitated during
any given experiment, surface area variations were
neglected in the rate calculations. The uncertainty on
these rate measurements is estimated to be between
3% and 8% of the log R values.

4. Results

Classically, mineral precipitation and dissolution
rates have most often been expressed in terms of a
functional dependence. Similarly, in seawater solu-
tions and other strong electrolyte solutions, precipita-
tion rate data of calcite have commonly been fitted to
an empirical rate law of the following canonic form
(Nancollas and Reddy, 1971; Morse, 1978; Berner
and Morse, 1974; Reddy and Gaillard, 1981):

R=k(Q-1) (17)
or in its logarithmic form:
logR = nlog(Q — 1) + logk (18)

where R is the measured reaction rate, k is the rate
constant, and # is the empirical global reaction order.

This empirical rate law fits our data very well over
the whole range of supersaturation and dissolved

Table 3
Least-squares fit parameter to the empirical rate model for calcite
crystal growth

HA n Log k r

0 1.41 £0.31 2.18+0.21 0.88
50 1.22+0.31 1.82+0.15 0.75
500 1.46 +0.41 1.24+0.15 0.92
1000 2.10+0.51 0.19+0.21 0.92

organic matter concentrations covered in this study
(Table 3; Fig. 1). This fit was derived by a least-square
calculation (Brooks et al., 1972) and the errors prop-
agated according to the Minster et al. (1979) and
Provost (1990) procedures. The data obtained at
different HA content, however, do not plot on the
same line, and yield distinct kinetic parameters. Over
the range of HA investigated, the empirical reaction
order remains constant while the rate constant
decreases as the HA increases (Table 3). Previous
experimental investigations carried out in artificial
seawater solutions have demonstrated that when fitted
to the same expression, the rate of carbonate crystal
growth is inhibited by the presence of dissolved
organic matter (Suess, 1970; Berner et al., 1978).
Our kinetic data extend the validity of this conclusion
to calcite in NaCl-CaCl, solutions. This empirical

5.00

4.00 -

Bl

LogR (ymol.r-hr)

3.00 T

2.00 —

1.00 —

0.00 :

'7 L ] T [ T
-1.00 -0.50 0.00 0.50 1.0
Log (omega -1)

Fig. 1. Log R (rate) as a function of Log (€2 — 1) for calcite in 0.7 m
NaCl-CaCl, solutions at 298.15 K and various [HA]. Circles at
[HA]=0; solid squares at [HA]=50 pg/kg; rhombs at [HA]=500
ng/kg; open squares at 1000 pg/kg.
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approach however does not allow any insight as to
how the growth is affected by the presence of dis-
solved organic matter in parent solutions.

In seawater solutions, as well in strong electrolyte
solutions of similar ionic strength (i.e. 0.7 M), the rate
at 298 K and over a range of P, between 10 and 10°
Pa, is controlled by the reaction (Zhong and Mucci,
1993; Zuddas and Mucci, 1994):

ke
Ca>* + CO§‘<;;> CaCO; (19)

The net experimental rate R, being the difference
between the precipitation rate Ry, and the dissolution
rate Ry, can be written as:

R = Rf - Rb = kf(acaz+)nl (acogi)”l - kb(cl(ja(j()3)n3
(20)

where k¢ and k;, are the forward and reverse reaction
rate constants, a; and n; are, respectively, the activities
and partial reaction orders for the species involved.
Assuming that the activity of a relatively pure solid is
unity, Eq. (20) can be reduced to:

R = ke(ace+)" (acor-)"™ — ko (21)

Precipitation rates are, a priori, highly dependent
on the acy/aco, ratio of the solution (Winter and
Burton, 1992) and rate expressions based solely on
carbonate species or on the ion activity product do not
accurately predict precipitation rate dependence.
However, in solutions where the concentration of
calcium ions is nearly constant and much larger than
that of carbonate ions, Zuddas and Mucci (1998)
demonstrated that the kinetics of calcite precipitation
can be described considering [CO3 ] as a sole or
governing variable and that the rate of calcite crystal
growth is pseudo-zero order with respect to the
[Ca®*]. Eq. (21) can then be reduced to:

R = K¢[CO3T|™ — ky (22)
where
Kf = kf (j)cog— )nz (aca2+ )n1 (223)

is a constant for a given solution composition (i.e, /,
Q).

Eq. (22) can also be written in the logarithmic
form:

log(R + k) = nalog[CO3™| + logK (23)

The parameterisation of the kinetic model ex-
pressed by Eq. (23) depends mainly on the estima-
tion of the carbonate ion concentrations. The rate
data obtained at each of the HA concentration
investigated in this study were fitted to Eq. (23)
(Fig. 2) for log [CO3 ]> — 1.45 (2>2; ky— 0). The
least-squares fit parameters corresponding to the
partial reaction order of the carbonate ion (7, slope)
and apparent forward rate constant (K¢, intercept) are
reported in Table 4 for each HA concentration. The
data obtained in this study show that the partial
reaction order with respect to the carbonate ion
concentration remains equal to 3. Thus, it would
appear that the mechanism of calcite growth is not
significantly influenced by the presence of dissolved
organic matter at this scale of measurements. How-
ever, the apparent forward rate constant decreases by
one order of magnitude in the presence of HA
showing an inhibition induced by the presence of
HA and indicating that HA are more strongly

50

vo]
“E
2 3
TE o‘j
°
£ <
=
x
o 2.0 —
S
—
1.0 —
0.0 T T T T T T T T T
-1.8 -t 6 -1.4 -12 -1.0 -0.8 -0

-Log [CO,} mmol/kg

Fig. 2. Log R (rate) as a function of log (CO3 ™) for calcite in 0.7 m
NaCl-CaCl, solutions at 298.15 K and various [HA]. Circles at
[HA]=0; solid squares at [HA]=50 pg/kg; rhombs at [HA]=500
ng/kg; open squares at [HA]=1000 pg/kg.
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Table 4

Least-square fit kinetic parameter evaluated from rate measurements
conducted far from equilibrium conditions (£2>1.6) for calcite
crystal growth experiments

HA 1> Log K¢ r

0 2.80+0.45 5.80+0.47 0.95
50 2.80+0.47 5.26 + 0.50 0.85
500 3.00 £ 0.50 5.00 £ 0.48 0.92
1000 3.18+0.47 4.76. + 0.47 0.95

adsorbed on the calcite surface than COj ions.
Examining the morphological changes that occurred
during growth with and without added HA, we
found that while unreacted crystals were well
formed, sharp-edged rhombohedra bounded by (1014)
faces, crystals that grew in the absence of HA
exhibited smooth planes of growth with steps of
relatively uniform thickness (Fig. 3A). In contrast,
the morphology of the crystals produced by growth
in the presence of HA (0.5 mg/kg) and for which the
growth rate was reduced by one order of magnitude,
exhibited planes on which growth had been inter-
rupted, resulting in a broken or discontinuous ap-
pearance (Fig. 3B and C). Dissolved organic matter
in the form of HA thus inhibits the rate of calcite
crystal growth in strong electrolyte solutions of ionic
strength like seawater by blocking the active growth
sites.

To estimate the influence of [HA] on the kinetics
of calcite precipitation from seawater solutions, we
relate the effect of the dissolved HA observed in
this study to that generated by other inorganic
seawater constituents such as Mg”" and SO,
which inhibit calcite precipitation (Reddy and Wang,
1980; Reddy, 1995) and are responsible for 20—30-
fold decrease in the precipitation/growth rate (Zud-
das and Mucci, 1994). Using the classical kinetic
formalism (Lasaga, 1998), the rate of calcite crystal
growth from seawater at constant temperature and
ionic strength can be expressed by the following
general equation:

R = kog(Pco,) Maf (AG) (24)

where ko is the kinetic constant, g(Pco,) is the
dependence on the Pco, partial pressure at equilib-
rium with the solution, Ila; is the product of the
activity of the inorganic and organic inhibitors of

the reaction, and f{AG) introduces the supersatura-
tion state of the solution expressed as a function, f,
of the free-energy change AG.

A

Fig. 3. SEM photomicrographs of calcite seed material after crystal
growth experiments. Calcite seed in experiments with no added HA
(A) where a lateral continuous plane of growth can be observed.
Calcite seed after growing in solution containing 50 (B) and 500 (C)
ng/kg HA where laterally discontinuous planes of growth are
observed.
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Assuming f{AG)=AG/RT, where R is the gas con-
stant and 7 the absolute temperature (Lasaga, 1998),
Eq. (24) can be parameterised using the data on the
catalytic effect of Pco, partial pressure reported by
Zuddas and Mucci (1994) and the inhibition of the
inorganic seawater constituents (Zhong and Mucci,
1993):

log Rate = 9.6 + 0.33 x logPco, — log[HA]
+ 3 x log[CO;] (24a)

with: 30 <Pco, < 10" Pa; and 1 <[HA]< 10’ pg/kg.

Eq. (24a) indicates that, when the carbonate ion
concentration is between 0.01 and 0.1 mmol/kg at
the ionic strength of 0.7 mol/kg and the Pco,
partial pressure is between 40 and 100 Pa (neritic
and diagenetic seawater conditions), the rate of
calcite precipitation from seawater decreases by
one order of magnitude as a result of a 1000-fold
increase in the HA concentration of the parent
solution.

5. Discussion and conclusions

Given its different behaviour in strong electrolyte
and weakly alkaline aqueous solutions, dissolved
organic matter under the form of humic acid may
limit or enhance the rate of calcite crystal growth
depending on both concentration and adsorption
constants. Experiments carried out in NaCl-CaCl,
solutions of similar ionic strength as seawater (i.e. 0.7
mol/kg) indicate that while the partial reaction order
with respect to the [CO3 "] concentration remains
unchanged, the reaction rate decreases by one order
of magnitude as the [HA] increases from 0 to 1000
pg/kg. In addition to a decrease of the rate constant,
we propose that the inhibition of calcite crystal
growth results from a decrease of active growth sites
rather than a decrease in the amount of free-calcium
resulting from complexation with HA. These results
contrast with the conclusion of previous studies in
which rate data were fitted to a single empirical
model and on the basis of which it was suggested
that dissolved organic matter complexing free-calci-
um ions reduces the saturation state of the solution
and consequently decreases the reaction rate.

Relating the observed effects of the dissolved
HA found in this study to that generated by other
inorganic seawater constituents, especially sulphate
and magnesium (Zhong and Mucci, 1993; Zuddas
and Mucci, 1994), our model shows that the
precipitation rate still decreases by one order of
magnitude as a result of the three-fold increase of
the [HA] of the solution. However, the surface
roughness that developed during calcite growth
from solutions containing high HA concentrations
results in an increase of the reactive surface area
and may had to an underestimation of this inhibi-
tion effect. Semi-quantitatively, comparing the total
number of surface sites available in 0.1 mg of
calcite seed to the amount of HA in solution
(assuming a molecular weight of 1200) and assum-
ing 5 sites/nm® on the calcite surface (Davis and
Kent, 1990), the available sites would be about
10'*, while the number of molecules of organic
acid in the experiments would be 0.4 x 10'. This
may indicate that the growth inhibition is governed
by large organic molecules able to adsorb to more
than one growth site on the calcite surface. Our
results are in agreement with Mayer (1994) and
Troy et al. (1997) observations on calcareous par-
ticles on shelf regions, where it was found that an
incorporation of high levels of organic carbon in
surface pore produces an increases of the surface
area of at least two orders of magnitude. More
careful assessment on the spatial relationship be-
tween organic matter (i.e. adsorption) and micro-
topography is, however, necessary to establish the
quantitative role of ‘geo-polymer’ such as HA with
calcium carbonate surface under seawater solution
conditions.
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Appendix A

Data for crystal growth rates in NaCl, solutions at
I1=0.7 mol/kg for different [HA].

Log R, pmol Alcy, pH Humic acid,
m 2h! mmol/kg neg/kg
3.12 2.35 7.81 0
2.85 0.65 7.80

2.5 0.67 791

3.75 2.92 8.10

2.98 2.26 7.76

2.5 0.68 7.94

35 2.39 8.03

2.00 0.60 7.90

2.71 2.05 7.98 50
2.40 2.04 7.98

1.92 2.91 7.77

1.96 2.50 7.74

1.31 2.38 7.68

2.70 2.39 8.05

2.00 2.25 8.03 500
1.80 2.05 7.98

1.15 1.42 7.85

2.00 2.39 8.05

1.75 1.98 8.00

1.02 2.53 7.80

2.07 2.67 8.02

2.54 2.72 8.08

1.25 2.38 7.75

2.33 3.57 8.15 1000
2.05 2.69 8.12

1.07 2.18 8.10

1.26 2.56 8.00

1.17 2.37 7.95

0.85 0.30 8.05
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