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Abstract—A highly reproducible seeded growth technique was used to study calcite crystallization from
calcium bicarbonate solutions at 25°C and fixed carbon dioxide partial pressures between 0.03 and
0.3 atm. The results are not consistent with empirical crystallization models that have successfully
described calcite growth at low Pgo, (<1073 atm). Good agreement was found between observed crys-
tallization rates and those calculated from the calcite dissolution rate law and mechanism proposed by

PLUMMER et al. (1978).

INTRODUCTION

HETEROGENEOUS reactions involving calcium carbon-
ate are of considerable importance in hydrochemical
environments, Recent concern about global carbon
dioxide accumulation (BROECKER et al,, 1979) and the
influence of acid precipitation on stream water chem-
istry has emphasized the significance of carbonate
mineral reactions (JoHwnsoN, 1979). To formulate
models of these reactions, accurate rates, rate laws
and reaction mechanisms must be available. However,
as several authors have observed, the kinetics of
heterogeneous reactions in geochemical systems are
not well defined (BERNER, 1978; NANCOLLAS et al.,
1979; PLUMMER et al., 1979),

Use of kinetic data on carbonate mineral reactions
to model environmental processes requires definition
of many factors, including saturation state, Pco,, pH,
reacting surface area, solution ionic composition,
inhibiting substances and hydrodynamics.

Recent studies of the crystal growth and dissolution
kinetics of calcite have helped to define the reaction
mechanism. Nancollas and Reddy, using a highly
reproducible seeded growth technique, examined cal-
cite crystallization near pH9 and developed both a
reaction rate law and a crystallization mechanism
(NancoLLas and Reppy, 1971, 1974a,b; ReppY and
NancoLras, 1971, 1973, 1976; Reppy, 1975, 1977,
1978, 1979). PLUMMER et al. (1978) presented a mech-
anistic model for calcite dissolution that applies over
a wide range of solution pH and P¢o, The rate ex-
pression proposed by Plummer and co-workers con-
tains an explicit term describing backward reaction
for dissolution (i.e. crystallization).

* Present address: U.S. Geological Survey, Box 25046,
Mail Stop 407, Federal Center, Denver, CO 80225, U.S.A.

A test of the backward rate dependence of the dis-
solution model was attempted by PLUMMER er al.
(1979) using REDDY’s (1975) low-Pco, crystal-growth
data (P¢o, = 10735 to 10~*3 at pH = 8.6-8.9). They
concluded that if this backward rate dependence is
correct, the surface Pco, under Reddy's experimental
conditions must be initially somewhat greater than
that of bulk fluid, and as the reaction approaches
equilibrium with calcite, surface Pco, must change to
that of the bulk fluid. However, experimental data to
verify this influence have not been available.

Surface layer Pco, is critical in the dissolution
model because it is used to define the equilibrium
composition of the adsorption layer. The dissolution
model of PLUMMER et al. (1979) assumes an adsorp-
tion layer, consisting of fully or partially hydrated
ions or molecules adsorbed to the crystal surface.
Thickness of the layer probably ranges from 10 to
100A. Solute from the supersaturated solution
reaches this adsorption layer by mass transfer
through a hydrodynamic boundary layer, an assumed
thin stagnant volume of solution adjacent to the crys-
tal surface. In the case of a laminar hydrodynamic
boundary layer mass transfer through this region
occurs via molecular diffusion. Depending upon ex-
perimental conditions, the hydrodynamic boundary
layer can vary in thickness from 20 to 150 um. A dis-
cussion of the adsorption layer, and the hydrodyn-
amic boundary layer is given by MuLLmn (1972). It
was suggested (PLUMMER et al., 1978) that at relatively
high Pgo, (>0.03 atm) the flux of CO, between the
reacting crystal surface and the bulk fluid is large
relative to the total CO, concentration, so that sur-
face Pco, is very near the bulk fluid value. Results of
calcite dissolution experiments at high Pco,
(PLUMMER et al., 1978) support this conclusion. At low
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bulk fluid Pco, however, the surface Pco, may
depend significantly on the CO,-flux between the sur-
face and the bulk fiuid (PLUMMER et al., 1979).

To test the backward rate dependence of the disso-
lution model, crystal growth of calcite must therefore
be studied at high bulk fluid Pco,. Because no such
growth experiments have been published, we have
measured calcite crystallization rates at high Pco, (by
the seeded growth technique used previously) and
have compared the results with predictions based on
the dissolution model.

EXPERIMENTAL

Materials

Analytical reagent-grade chemicals, doubly distilled
water and grade A glassware were used throughout. Two
calcite powders were used as seed material. Seed crystal A
(Baker* CaCO; No. 1294, Lot 38767) has a specific surface
area of 0.228 m?/g as measured by a single point BET
method using a 30% N,-70% He gas mixture with a Quan-
tachrome Corp. Monosorb surface area analyzer. Seed
crystal B (Fisher CaCO; No. C-65, Lot 775084) has a
specific area of 0.699 m?/g and was measured by Micro-
meritics Inc., using a multipoint Kr gas BET procedure.
Scanning electron microscopy showed both seed materials
to consist of uniform rhombs with a narrow size
distribution. ’

Crystallization experiments were conducted in a 1-L
water-thermostated (25.0 + 0.1°C) double-walled vessel. To
minimize mixing of room air with gas mixtures the vessel
was covered with a close-fitting Plexiglas top with remov-
able entry port. The solutions were stirred with a three-
bladed polyethylene propeller at a constant rate of
350 rpm. Water-saturated gas mixtures (30, 10 and 3%, car-
bon dioxide in nitrogen) were bubbled into the crystallizing
solution at a rate of several liters per minute to maintain a
constant Pcg,. The gas mixtures (Air Products) were pre-
pared by weight and were found accurate to within 1% of
their stated composition by gas chromatography.

* The use of brand names in this report is for identifica-
tion purposes only and does not imply endorsement by the
United States Geological Survey, or by the New York
State Department of Health.
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An Orion Research Ionalyzer (model 801) and a digital
printer (model 751) were used to measure and continually
record pH. The Sargent Welch combination electrodes
were filled with saturated KCl and were calibrated with
Fisher Scientific Company pH 4.01 + 0.01 and 6.86 4 0.01
buffers before and after each experiment.

Preparation of supersaturated solutions

Stable supersaturated calcium bicarbonate solutions
were prepared from stock solutions saturated with respect
to calcite and carbon dioxide at 4°C. This technique util-
izes the fact that calcite solubility increases with decreasing
temperature, The stock solutions were prepared by adding
50 g of seed B to 2 1. of freshly distilled water stirred at 4°C
with 100% CO, bubbled for a period of 24 hr. The sol-
utions were then rapidly filtered through 0.45 ym Millipore
filters and stored in a refrigerator near 4'C until needed.

Shortly before each experiment 500 mi of the stock sol-
ution were filtered through a 0.22 um Millipore filter into a
volumetric flask. This solution was quantitatively trans-
ferred to the reaction vessel. After reaching constant tem-
perature and Peg,, the pH was monitored for consistancy
to verify metastability. Constant solution pH demonstrated
supersaturated solution metastability since crystallization
was accompanied by a drop in solution pH. A sample of
the supersaturated solution was analyzed for Ca before the
start of each experiment to confirm the solution’s
metastability. :

The outlined procedure was used to prepare the super-
saturated solution because: (I) the same CaCO; material
could be used both as seed and to prepare the supersatu-
rated solutions; (2) the solution could be stored for exten-
sive periods of time; and (3) several initial supersaturated
solutions could be prepared by raising the solutions tem-
perature to 25°C and varying the Pco,.

Analysis of the solutions

The solution in the reaction vessel was sampled with a
plastic syringe and filtered through 0.22 um Millipore fil-
ters. The Ca concentrations were determined in duplicate
by EDTA titration with a 2.5 ml microburette using the
fluorescence endpoint of calcein and the procedure de-
scribed by DieHL (1964). The reproducibility of the Ca
analysis was better than 0.5%,.

Seeded-growth experiments

In a typical seeded-growth experiment 500 mg of calcite
seed was inoculated into 500 ml of stirred supersaturated
solution (Table 1). During the reaction, samples were re-
moved, filtered, and analyzed for total Ca as described
above.

Table 1. Initial conditions and calculated equilibrium point for calcite
growth from calcium bicarbonate solutions at fixed PCOZ and 25°¢
s 1/ d 1/
Seed Pco Initial Calculated Calculate
Run Seed concentration 2 calcium 1initial values equilibrium values
number material (g/1) (atm) (mmol/1)
Total calcium
pH 2 PH(s) (mmol/1)
3 A 1.07 N.289 12.55 f.686  7.32 6.34R8 5.740
4 A 1.03 0.289 12.94 6.711  7.90 6.348 5.740
5 B 1.02 n.289 12.975 6.694  7.95 6.348 5.740
6 A 1.03 0.0959  12.664 7.143 22.19 6.658 3.781
7 A 1.06 N.0287 12.73, 7.641 71.10 6.998 2.420
8 B 0.98 0.0288 11.785 7.604 58.98 6.997 2.422
9 B 1.00 n.0958 12.13, 7.142 19.99 A.H658 3.779

1 Thermodynamic calculations use the aqueous model described in the text

and data of Table 2.
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Table 2. Thermodynamic data at 25°C for the
system CaC03 - €0y - HoD

Reaction log ¥ Source
CaC04 (Calcite) = ca?t 4 CO%" - B8.475 Jacobson and Langmuir (1974)
€0y + HO = HZCO’; - 1.466 Harned and Navis (1943)
HyC03 = HF + HCO3 - 6.351  Harned and Davis (1943)
FCOy = At o+ CO%' -10.330 Harned.and Scholes (1941)
CaHCO.g = caZt + HCOZ - 1.015 Jacobson and Langmuir (1974)
cac0§ = ca?* + co3” - 3.153  Reardon and Langmuir (1974)
Hy0 = uF + OB~ -14.000  Helgeson (1969)

Calculation of saturation state of solutions

The progress of the reaction was followed in terms of the
saturation state of the solution, Q, defined as the ratio of
the calcite ion activity product (IAP) in solution to the
calcite equilibrium constant (K,,) for the reaction
CaCOj; = Ca?* + CO3~. The IAP was calculated from
the measured Ca and Pco, using the aqueous model of
Table 2, which assumes the presence of Ca?*, CaHCOj7,
CaCOY, H,CO% (where H,CO¥ = H,CO§ + CO,,, by
convention), HCO3, CO%~, H* and OH". Single ion ac-
tivity coefficients of charged species were calculated from
the extended Debye-Hiickel expressions as used in
WATEQ (TruespeLL and Jongs, 1974) and. WATEQF
(PLUMMER et al, 1976). Similar thermodynamic calcula-
tions using the measured pH (with total Ca or P¢o,) rather
than the preferred total Ca and Pco, to define IAP were
judged less reliable owing to uncertainties in the measure-
ment of pH in the stirred calcite suspensions.

RESULTS

Calcite crystallization rates

Several parameters essential in depicting the calcite
crystallization process, including solution supersatu-
ration and tcmperature, have been quantitatively
related to crystallization rates in previous studies near
pH 9 and 107%atm Pco, (NANCOLLAS and REDDY,
1971). The stirring rate was shown to have no effect
on the crystallization rate, supporting the concept of
an interfacial rate-determining step*. The influence of
higher solution Pgo, (and lower pH) had not been
investigated.

* The crystallization process can be divided into two
steps: (1) a diffusional process, involving solute mass trans-
port across the hydrodynamic boundary layer; and (2) a
crystal surface incorporation reaction whereby solute mol-
ecules dehydrate and arrange themselves into the crystal
lattice. If the diffusional resistance is low (that is the rate of
mass transport across the hydrodynamic boundary layer is
much greater than the rate of solute incorporation at the
crystal surface) then the crystallization rate will be
governed by the rate of surface integration. This overall
rate determining surface integration process is often termed
the ‘interfacial rate determining step’.

Initial solution conditions for our growth experi-
ments are shown in Table 1, along with the type and
amount of seed used and the calculated equilibrium
points. Calcite growth began immediately upon
inoculation, as indicated by a sharp drop in solution
pH. The total calcium concentration decreased
smoothly with time with each seed material and at
each Pco, (Fig. 1). Seed B, with a higher surface area,
approached equilibrium more rapidly.

Calcite crystallization rates were calculated as
instantaneous slopes at each sampling time from the
plots of total calcium concentration versus time
(Fig. 1). The calculated rates were then normalized to
unit surface area (mmol-cm~2-sec™?) so that growth
rates for the two seeds could be compared.

Calcite growth rates as a function of solution total
calcium concentration for each Pgo, (Fig. 2) are
curved at high solution supersaturations, correspond-
ing to experiments at lower Pco,. At lower supersatu-
ration values (309 CO,) the reaction rate approached
a linear function of solution total calcium concen-
tration. The lack of evidence for either a growth surge
at the onset of the experiment (Fig. 1) or a discontinu-
ous drop in reaction rate at low supersaturation
(Fig. 2) indicates the absence of secondary nucleation
and growth inhibition.

The close agreement of the normalized rates for
seeds A and B (Fig. 2) indicates that the observed
differences between experimental rates (Fig. 1) are due
solely to the differences in their areas for growth. Dif-
ferences in their growth-site density (i.e. dislocation
site density) do not appear significant.

Runs 7, 9, and 3 (in 3, 10, and 30% CO,, respert-
ively) were reacted for longer times and are within 0.0,
0.2, and 0.4 mmoles per liter total Ca, respectively, of
the theoretical equilibrium value (Table 2) after ap-
proximately 18 hr of reaction (Fig. 1). Since the solu-
bilities of unstable calcium carbonate polymorphs lie '
above these values, this is evidence for the expected
formation of calcite, rather than of less stable calcium
carbonate polymorphs, Calcite growth in the pure
calcium bicarbonate solutions used here does not
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Fig. 1. Total calcium as a function of time for crystal growth at three CO, partial pressures and 25°C.
Horizontal lines indicate calculated equilibrium concentrations for each gas composition (Xco, in %
CO,). Final points are at times between 300 and 1000 min.

cease below a critical calcium concentration, unlike
crystallization in more soluble salt systems (MuLLIN
and OsMAN, 1973).

The dependence of reaction rate on Pco, is shown
in Fig. 3, in which crystallization rates are plotted as a
function of solution supersaturation, Q. The rate of
calcite growth at a fixed crystallization driving force
varied in a complex manner with increasing Pco, and
Q. At low Q crystallization rates increase with increas-
ing Pco, while at high Q the opposite is true.

The nonlinearity of the relationship between log
rate and log Q (Fig. 3) demonstrates the lack of suit-
ability of an empirical rate expression similar to the
equation

R = k¢ 03]

(where k and n are constants) for describing calcite

crystal growth at “constant Pco, between 0.03 and
0.3 atm and 25°C. A least squares best fit statistical
analysis of all rate data with egn (1) showed that both
constants (k and n) varied with solution Pco, and Q in
an unpredictable fashion. The variation in reaction
order (n) was felt to be strong evidence against the use
of eqn (1) for data analysis. Plots of log rate are also
nonlinear functions of log (Q — 1) and log (C — Cs),
where C is total Ca and Cs is total Ca at equilibrium
for the run. Thus, none of the commonly recognized
empirical expressions are appropriate for describing
calcite growth under the experimental conditions.

Comparison of experimental rates with the dissolution
model '

PLUMMER et al. (1978) studied the dissolution of
calcite in CO,-H,O solutions, using pH-stat and free
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Fig. 3. Log-log plot of calcite growth rate as a function of supersaturation, Q. Data between Q of 2 and
10 indicate that growth rate at constant Q depends on Pco,. The nonlinearity demonstrates growth rate
is not described by an empirical exponential relationship of Q.

drift methods, over pH ranges from about 2-7, Pco,
from 0.0003 to 0.97 atm, and temperature from 5 to

60°C. They proposed that three reactions:
CaCO; + HY = Ca’* + HCO3 )]
CaCO, + H,CO§ = Ca?* + 2HCO3 (3)
CaCO; + H,0 = Ca’* + HCO; + OH™ (4)

occur simultaneously on the calcite surface and that
the net rate of dissolution, R, is given by

R = kyay+ + kaay,coy + kaayyo
(%)

where a; denotes thermodynamic activity of the ith
ion and k,, k, and k are the respective rate constants
for reactions (2-4). The backward reaction rate con-
stant, kg, depends on temperature and Pco,. Theoreti-
cal calculations show that k4 is

K,

ke = 2| K
4 K;p[1+

— k40cy2+ Aycos

(k2au,coys + k3aHzO(s))j|7 (6)
Ay
which agrees well with observed values of k; (PLUM-
MER et al., 1978). In eqn (6) K, is the second dissoci-
ation constant of carbonic acid and K, is the calcite
equilibrium constant (Table 2). The term ki is the
first-order mechanistic rate constant for H* attack (2)
and may be 10-20 times larger than the measured k;,

which was interpreted as the H™ transport rate con-
stant. The subscript (s) denotes values on the calcite
surface. Equation (5) can be expressed in Q notation

as
o

where o > kyay. and f = kyaycoy + kian,o (PLUM-
MER et al., 1979).

The reaction mechanism is interpreted as follows:
Reaction of calcite with H* is very fast, while reaction
with H,COj and H,O is significantly slower. At rela-
tively high Pco, (as in the experiments reported here)
the surface Pco, is probably near the bulk fluid value.
At P, <3% the surface Pco, tends to be less than
the bulk fluid value during dissolution and greater
than the bulk fluid value during crystallization
(PLUMMER et al., 1979). The surface activity of H,O is
always near the bulk fluid value. Because reaction
with H* is fast, the ay- in the surface layer, aug,, is
the equilibrium value for calcite at the surface Peq,
and activity of water, (See Table 1 for values of pH(s,.)l

Equations (5-7) show that calculation of rate
requires use of an aqueous model to define the specia-
tion and saturation state of the solution. To compare
the calculated and observed rates, we have used the
aqueous model (Table 2) to calculate solution specia-

dy+

R=:x+B——<oc+ ¥)

ay- ()




tion and Q at each measured calcium concentration
and accompanying Pco, value. The following values
for the terms in eqn (7) were used in the calculation of
rate:

(1) @i+ and Q in the bulk fluid were calculated from
the observed total calcium and bulk solution Pgo,
using the aqueous mode! (Table 2).

(2) au,cor was calculated from Pco, (Table 1) and
Henry’s law constant for CO, (Table 2).

(3) The activity of H,O was taken as unity.

4) kg, k,, and ki were, respectively, 0.051,
345 x 10735, and 1.19 x 107 cm/sec (PLUMMER et al.,
1978). Because H* contributes little to the forward
rate, the calculated results are not sensitive to our
uncertainty in the value of kj.

(5) auy, was calculated from the aqueous mode] and
assumed calcite equilibrium at the surface Pgo,. The
surface Pco, in turn was assumed to be equal to the
bulk fluid value.

Essentially all of the calculated rates are within a
factor of three of the observed rates while the ob-
served rates varied over more than three orders of
magnitude and § varied over several decades (Fig. 4).
Calculated rates for 309, CO, were two to three times
faster than the observed rate near equilibrium. Calcu-
lated rates for low P, were generally closer to the
observed values (Fig. 4). As equilibrium was
approached, the calculated rate tended to be faster
than the observed rate. Differences between calculated
and observed crystallization rates may arise from a
number of factors including: uncertainties in thermo-
dynamic data and rate constants used in the rate cal-
culation; the influence of growth inhibitors at trace
concentrations; and changes in crystallization mech-
anism at low supersaturation. In addition, calcite
crystallization and dissolution reactions examined in
this study and that of PLUMMER et al. (1979) were
characterized, for the most part, well away from equi-
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librium. Thus, the experimental data base would
accentuate deviations of calculated rates from
measured rates near equilibrium.

It should be emphasized that the results discussed
here were obtained to test the predictability (and thus
the rate expression and mechanism) of the calcite dis-
solution model of PLUMMER et al. (1978). Calcite crys-
tallization rates varied by more than three orders of
magnitude within a wide range of Peo, and Q values.
Over this range of conditions and observed rates the
dissolution model predicted the absolute crystalliz-
ation rates of two different seed materials to within a
factor of 2 for many reaction points. Several data
points exhibited significantly better agreement. This
agreement is felt to be appropriate evidence in sup-
port of the dissolution model of PLUMMER ¢t al. (1978)
since calculated precipitation rates often are orders of
magnitude in error (KouTsoukos er al., 1980) and
since crystallization parameters cannot be typically
determined with an accuracy better than about a
factor 2 (GARSIDE, 1977). i

A further test of the consistency of the dissolution
model of PLUMMER et al. (1978) with the calcite
growth data is provided by plotting the observed
growth in the form of the dissolution rate eqn (5), i.c.
plotting Ry — Ky ay+ VS g2+ aycor . From eqn (5), at
constant Peo, and ay,0 (as in our experiments) such
plots should be linear with slope of —k, and
a y-intercept (at dey: auco, = 0) equal to
kaay,co3 + kian,o. Figure 5 shows that these plots,
for each Pco, studied, are linear and pass through the
equilibrium point, as required by the model. of PLum-
MER et al. (1978). Close agreement was obtained in
duplicate runs at 3 and 10% CO; and in triplicate
runs at 30% CO,.

The observed and calculated slopes {(k4) and inter-
cepts (ka ay,cos + k3 au,o) from Fig. 5 (Table 3) agreed
within a factor of two. At 39; CO, the observed slope
for run 7 is slightly higher than the slope (k4) calcu-
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Fig. 4. Comparison of calculated and observed growth rates as a function of solution supersaturation.
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Fig. 5. Calcite growth data plotted in the form of the dis-
solution rate equation (eqn 5). The y-intercept (at
Ueg2e yeos = 0) corresponds to the term
kaay,cos + katty,0. and the slope corresponds to k4. Initial
data points for growth at 10%, CO; (center plot) appear to
deviate significantly from the best fit line. This apparent
deviation may be due to errors associated with reaction
rate measurements at zero time.

lated from eqn (6), but near equilibrium, the data
points for both runs lie closer to the calculated slope
(Table 3). The y-intercept at this Pgo, (at
Ucare Apcos = 0) is slightly higher than predicted. The
observed slopes and intercepts for two runs at 10%
CO, are nearly identical to those predicted by egns

(5) and (6) (Table 3). For 30%; CO, the observed slope
and intercept are twice the calculated values.

In calculating the slopes and intercepts it was
assumed that k,, k, and k; have values identical to
those measured by PLUMMER et al. (1978) for the dis-
solution of Iceland spar, a semioptical calcite of
natural origin. By assuming equivalence of rate con-
stants for the two calcites, it is implied that the reac-
tion site density per unit area for the seeds used and
Iceland spar is similar. Because reaction sites include
surface imperfections in the crystal structure, the
more perfectly grown seed material has a smaller
reaction site density per unit area, and thus k;, k; and
ks should be smaller values for more perfect seed
crystals. (lceland spar powder, prepared by grinding
the natural mineral, would be expected to have a
higher surface defect density than the calcite seed
crystals A and B which were prepared by precipi-
tation from aqueous solution.) If the rate constants
were smaller than those for Iceland spar, the calcu-
lated intercepts (Table 3) would be smaller. For
example, the discrepancy between calculated and ob-
served intercepts at 30%, CO, implies that the reac-
tion-site density of the seed material is approximately
half that of Iceland spar. Yet the observed intercept at
10% is nearly identical to the theoretical value and
larger than the theoretical value at 3% CO,. Thus
uncertainties in reaction site density alone cannot
account for all the differences between experiment
and mechanistic model.

Release of CO, at the crystal surface during pre-
cipitation causes the surface Pgo, to be larger than the
bulk fluid value. This value for the surface Peo,
depends (at least in part) on the calcite growth rate,
the rate of hydrodynamic transport of CO, from the
surface to the bulk fluid and thence into the bubbled
gas phase. Although the true value of surface Pco, is
difficult to estimate, it should be somewhat larger
than the bulk fluid value during crystal growth. If the
reaction-site density of the seed material is half that of
Iceland spar, the observed intercepts for both runs at
3 and 10% CO, indicate that the surface Pgg, is
several times larger than the bulk fluid value. Because
surface Pco, appears to be very near the bulk fluid
value at similar (but opposite) Ca? *~HCOj flux con-
ditions during calcite dissolution (PLUMMER et al.,

Table 3. Comparison of observed and calculated slopes

and intercepts

Observedl/

CalculatedZ/

y-Intercept

Runs  %COjy Slope y-Intercept Slope (k4) (kzapzcog + ksaﬂzo)
7,8 3. -3.1 x 10~2  0.20 x 10-6  -2.0n x 10-2 0.15 x 10-6
6,9 10,  -1.3 x 102 0.20 x 10-6 1.6 x 10~2 n.23 x 10-6
3,4,5 30. -0.7 x 10=2  0.20 x 10~6 1.5 x 102 0.46 x 10~6

1/ ¥rom Fig. 5.

2/ Equations 5 and 6.
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1978), it is unlikely that surface Peo, is actually
several times the bulk fluid value in the present
growth experiments. Furthermore, if surface Peo,
varied by a factor of two during growth, eqn (6) indi-
cates that the plots of Fig. 5 should be curves rather
than the observed straight lines. The linear relation-
ships of Fig. 5 indicate constant surface Pco, for the
duration of the runs at 30 and 10% CO,. At 3% CO,,
there is a suggestion that the initial surface Peo, is
higher and decreases slightly as equilibrium is
approached (Fig. 5).

Although there is considerable agreement between
the growth data and the dissolution model of PLum-
Mer et al. -(1978), uncertainties of a factor of two
remain in the calculated and observed rates. The devi-
ations are most pronounced at high Pgo, and low
supersaturations. They may be due to failure to in-
clude an additional reaction step in the overall reac-
tion mechanism, or to reduction in growth site den-
sity or to a crystallization mechanism change as the
reaction approaches equilibrium. Additional experi-
mental investigation may lead to a fuller understand-
ing of the discrepancies between the calculated and
observed calcite crystallization rates.

CONCLUSIONS

Our results show agreement within a factor of two
between measured crystallization rates of calcite and
the rates predicted from the PLUMMER et al. (1978)
mechanistic model for calcite dissolution. The ob-
served rate data also follow the form of the rate equa-
tion found for calcite dissolution. The measured rates
were determined with three separate seed materials—
two used for our growth experiments and the Iceland
spar crystals used to develop the dissolution rate
model. These findings suggest that appropriately
interpreted dissolution measurements could be used
to predict crystallization reaction rates.

Crystallization is generally considered a multistep
process, in which ion incorporation at a surface
growth site is often rate-determining (INANCOLLAS and
PurDIR, 1964). Dissolution, in contrast, is frequently
diffusion-limited. For calcite, in the pH range exam-
ined here, a surface reaction is rate-limiting for both
the growth and dissolution steps. Thus the agreement
between the measured rates of crystailization and
those predicted from the dissolution rate expression
appears to result from similar forward and backward
rate-limiting steps, i.e. ion incorporation or release at
a dislocation site on the crystal surface.

Note added in proof

Recent reports, which appeared in print following submis-
sion of this manuscript for publication, examine the appli-
cation of the PLUMMER et al. (1978) rate expression to
experimental growth of calcite (Housg, 1981a, b) and the
formation of caves by calcite dissolution (DREYBRODT, 1981).
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