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Review of Kinetic Data on Carbonate Mineral Precipitation 

Abstract 

The technical report is a review of the main data available in the literature on kinetics of 
carbonate minerai precipitation. A summary of a pnor s m e y  of thermodynamic data and of 
numerical models for calcuiating ionic activity coefficients is provided in the appendk 

Particuiar emphasis is placed on calcite because it constitutes (with aragonite) the most 
commonly studied carbonate minerai. Kinetics of dolomite precipitation/dissolution has also 
been investigated experimentdy with l i i t ed  success, because of the relatively low 
reactivity of this carbonate (dissolution rates are ml00 times lower than calcite). 

At temperatures < 150°C and pH > 4-5, surface controiled precipitation rates seem to be 
predominant for calcium carbonates but molecular diffusion can have some influence on 
these rates. In both laboratory and field studies, a certain criticai degree of oversaturation 
(.Cl > 5-10) has to be achieved to ailow to start the nucleation of calcite at relatively low 
temperatures (< 60°C). However, laboratory experiments have shown that adding seed 
crystals in solutions can induce immediate crystal growth. In order to obtain reliable kinetic 
data, most of calcite precipitation experiments have been performed with the presence of 
seed crystals and consequently, descnbe crystal growth. 

As precipitation rate depends on many factors such as temperature, pC02, p& solution ionic 
composition, saturation state, reacting surface area, presence of inhibiting substances, 
solution hydrodynamics, many kinetic laws have been developed. Most of these laws are 
only applicable in very specific conditions. Equations and conditions of applicability are 
given in this review. A smey  of the main inhibitors (magnesium, sulphate, phosphate and 
manganese) and their effects on precipitation rates is aiso presented. 

The mechanistic model of Plummer et al. (1978), tested and refined by several other 
investigators, appears .to be the only model that applies over a wide range of values for the 
factors mentioned above. It has been used with success for calcdating calcite precipitation 
rates in naturai systems at fast flow, low saiinity, and low temperature conditions, after 
outgasing of CO2 in spnng-fed streams. However, this model cannot descnbe accurately 
calcite precipitation in seawater or in deep-sea sediments where precipitation rates are much 
slower. This model does not take into account the influence of complex solutions @gh 
salinity, presence of inhibitor species) and cannot predict accurate crystai growth rates at 
very near equilibrium conditions. Moreover, its use at 100°C and 100 bar, seems to be 
l i t e d .  

No reliable kinetic data were found for calcite precipitation in the conditions of oil field 
formation waters, i.e., low pH, high saiinity, high pC02 and high temperature (100-150°C). 
An adapted model of Plummer et al. (1978) or a specific law similar to those found in this 
review, will have to be selected for the geochemical modelling of carbonate scales in oil 
field weils. 
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Introduction 

The work presented in this report was conducted as part of the research carried out in 
the framework of the QC-SCALE project (CEC-JOULE III programme, contract 
No JOF3-CT95-0009). It compiles the results of a critical review of the most significant 
published data on kinetics of carbonate mineral precipitation. This task was undertaken 
in order to select the most adapted data for geochemical modelling of carbonate s c d i g  
tendencies in oil field wells. It followed a survey of relevant thermodynamic data and 
numerical models for calculating ionic activity coeff~cients, a summary of which is 
appended to this report. 

Carbonate minerals, in partinila calcite, are among the most common scale-forming 
minerals in oil field wells. The formation of carbonate scales is mainly due to pressure 
drops and can result in a significant decrease in oil production or even a complete stop. 
Successful control of oil field scale depends on accurate prediction of scaling regimes. 
Presentiy, most of the available models are equilibrium models which can predict 
precipitation potential of carbonate scales on the basis of saturation indices under 
specific conditions. However, these models fa11 short of predicting the amount, the 
timiig and the duration of carbonate deposition. In addition, they are bliid to the 
possible formation of thermodynamically metastable carbonate phases. Consequentiy, 
reliable and useful predictions of amounts of precipitated carbonate require a precise 
knowledge of precipitation/dissolution kiietics of carbonate minerals. 

Although the reaction kinetics of several carbonate minerals have been investigated, 
most studies focused on calcite and aragonite. These two carbonate minerais are among 
the most common carbonates in recent sediments and soils. In addition, their rates of 
dissolution-precipitation are relatively high. In constrast, dolomite, a common carbonate 
mineral in older sediientary rocks, is relatively unreactive. Attempts to study its 
precipitation kiietics have been largely unsuccessful. Finally, a number of studies have 
investigated the inhibitory effect of dissolved components, such as magnesium, 
phosphate, sulphate, manganese or organic acid on carbonate minera1 growth and 
dissolution. 
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1. Kinetics of calcium carbonate precipitation 

Of al1 calcium carbonate minerais, calcite is the most studied (Morse, 1983). Limited 
data are also available for aragonite reaction kinetics in simple solutions (Busenberg 
and Plummer, 1986; Chou et al., 1989) and in seawater solutions at different salinities 
(Burton and Walter, 1987; Zhong and Mucci, 1989). A major problem in synthesis 
experiments with aragonite is that it is metastable relative to calcite under surface 
conditions (Morse, 1983). However, it can be synthetized at elevated temperatures 
(-70°C) from highly supersaturated solutions (Katz et al., 1972). 

Numerous experimental studies on the kinetics of calcite dissolution and precipitation 
have been performed at ambient surface conditions (low temperatures and relatively 
dilute solutions or seawater). These studies have revealed the importance of pH and 
pC02 in calcite dissolution and precipitation up to 60°C. Particularly, they have shown 
that calcite dissolution in acid solutions (pH < 4) is diffusion-controiled. The 
mechanism of calcite dissolution becomes surface-reaction controlled above pH4. 
Above pH5.5, the reaction rate becomes pH-independent (Plummer et al., 1978 ; 
Sjoberg and Rickard, 1983, 1984). 

The kiietics of calcium carbonate precipitation has been experimentally investigated 
mainly at high pH and low pC02 (Wollast, 1990) and has received less attention than 
dissolution reactions. This perhaps reflects the fact that most sedmentary carbonates are 
initially formed biogenicaiiy. Consequently that the primary interest in carbonate 
precipitation reactions has been directed at reaction inhibitors and coprecipitation 
reactions morse, 1983). However, it must be pointed out that the study of precipitation 
reactions is more complicated than that of dissolution reactions. Because of the 
sensitivity of surface properties, the presence of impurities absorbed on the interface 
and the inclusions of foreign ions and molecules in the precipitated phase, the 
experimental results of precipitation reactions are often inconsistent (Wollast, 1990). 
Using the relation between the kinetic rate constants, according to which, near 
equilibrium, the rates of fonvard and reverse microscopic processes must be equal for 
every elementaq reaction, many data obtained from dissolution reactions can be used 
for describing precipitation reactions. In doing so, it is very important to accurately 
determine the effective reactive surface area which is a critical parameter to 
heterogeneous kinetics. This variable depends on surface morphology (grain size, etch 
pit distribution representing highly localized dissolution), surface roughness (smooth 
geometnc grains, irregularities) and intemal structure (dislocation density, impurities, 
point defect clusters) of the mineral (MacInnis and Brantley, 1991; 1993). Besides, 
reactive surface area is difficult to estimate when applying experimental dissolution 
rates to naturai systems. 

Only very limited data are available for calcite-water reaction rates at elevated 
temperatures (Hirano and Kikuta, 1985, 1987; Higuchi et al., 1988; Talman et al., 
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1990; Beck et al., 1992; Shiraki and Brantley, 1995). Only a small part of the available 
data is applicable to reservoir conditions, i.e., low pH (as low as 5), high temperature 
(>lOO°C) and high salinity (>1 M). 

1.1. INFLUENCE OF THE DEGREE OF SATURATION OF A SOLUTION ON 
PREClPlTATlON 

According to Wiechers et al. (1975), crystallization can be categorized into two 
processes: nucleation and growth. Nucleation is the generation ("birth") of crystals from 
solution. Growth is the process whereby solute is transported to the crystal surface and 
is then oriented into the crystal lattice. Growth is the dominant process if the precipitant 
or crystal concentration is high and is thereby referred to as heterogeneous 
crystallization. When there are no or only small concentrations of crystals present both 
nucleation and growth takes place simultaneously, and is then referred to as 
spontaneous or homogeneous crystallization. 

Calcite will precipitate from a supersaturated solution. However, both laboratory and 
field studies have shown that calcite precipitation at relatively low temperatures 
(<60°C) is kinetically inhibited (Herman and Lorah, 1988). A critical degree of 
supersaturation must be achieved to overcome the energy barrier which allows to start 
the nucleation of calcite Pemer, 1980). Laboratory studies of calcite crystallization 
kinetics indicate that the necessary ion activity product can be as much as ten times the 
equilibrium calcite solubility value at low temperatures (Reddy, 1983). According to 
Reddy (1983), the metastable region where the supersaturated solutions yield no 
precipitate over extended periods of time and where the nucleation rate is very low or 
zero can extend to supersaturation values of ten, while the labile region where solutions 
spontaneously precipitate a crystalline or amorphous material through nucleation and 
subsequent crystal growth lies above supersaturation values of twenty. 

In field studies of travertine-depositing streams where the formation of calcite is due to 
the loss of CO2 to the atmosphere (increase of pH and of C032-), it was shown that 
solutions reach five to ten times supersaturation before precipitation (Jacobson and 
Udowski, 1975; Dandurand et al., 1982). 

Laboratory experiments have shown that adding seed crystals in solutions can induce 
immediate crystal growth. The technique of calcium carbonate seed inoculation (crystal 
or powder added to solution), suggested by Reddy and Nanchollas (1971), causes a 
brief initial surge in reaction rate, which was interpreted as representing both nucleation 
and surface roughening, and is immediately followed by a crystalline growth process. 
This technique was used in al1 subsequent experiments of calcium carbonate 
precipitation because the spontaneous crystallization technique does not permit reliable 
kinetic analysis to be made (Nanchollas and Purdie, 1968). The assurnption that 
homogeneous nucleation takes place is of doubtful validity: nucleation is liiely to occur 
on impurity particles which offer available sites for crystal growth and during 
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spontaneous crystallization, both the total number and size distribution of the particles 
v q  (Wiechers et al., 1975). 

Reddy and Gaillard (1981) had already suggested that when the degree of saturation Cl 
was greater than 7, surface nucleation at the start of an experiment using seed crystals 
could yield faster rate constants. Results obtained by Dove and Hochella (1993), using 
Scanning Force Microscopy (SFM), supported these interpretations and showed that 
calcite growth initiated with the formation of surface nuclei in every case where Cl was 
greater than 2. At conditions very near equilibrium (Cl of approximately 1.2), they also 
observed calcite growth but they concluded that the rate of growth at these conditions 
was very slow or zero. This is consistent with surface nucleation theory which indicates 
that surface nucleation is extremely slow near equilibrium (Nielsen, 1964). 

Beck et al. (1992) reported rates of calcite recrystdization under conditions of near- 
neutral pH, low pCOz, high temperature and pressure and close to equilibrium. These 
rates were much lower than those determined by Busenberg and Plummer (1986) at 
25°C under similar conditions of pH and pC02 but far from equilibrium. These fmdmgs 
were consistent with those of Busenberg and Plummer (1986) who recorded 
signiîïcdy slower overall reaction rates as calcite saturation was approached. 
Exceptionally slow calcite recrystallization rates for near-equilibrium conditions were 
also observed by Lorens (1981). Beck et al. (1992) suggested that a change in the 
reaction mechanism could occur for conditions very close to equilibrium. This near- 
equilibrium rate-controlling mechanism is extremely slow, even at high temperatures, 
and is apparently unrelated to the dissolution and precipitation mechanisms which have 
been measured under conditions relatively far from equilibrium. Under their 
experimental conditions (table la), at high stirring speeds and when the activity of 
aqueous H2CO3 (aH2C03) was smaller than 2.33 Shiraki and Brantley (1995) found 
a rate law showing a parabolic dependance and suggesting a spiral gi-owth regime when 
Cl < 1.72. When Cl > 1.72, the precipitation rate increased exponentially following a 
law based upon a surface nucleation mechanism. 

According to Wollast (1990), very high degrees of supersaturation favor a rapid growth 
of the precipitated layer (low surface area and high rate of precipitation), which has not 
the chance to age during a sufficient time in contact with the aqueous solution and thus 
to recrystallize to the stable phase. In such conditions, precipitated solids are rather 
disordered or have not been completely dehydrated and have larger values of solubility 
than the stable phase. The influence of the crystal growth rate on the stability of the 
precipitated calcium carbonates has been described by Weyl (1965), Wollast et al. 
(1980) and Shoonmaker (1981). 
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1.2. EXPERIMENTAL DATA 

1 .Z.I. General considerations 

As the spontaneous crystallization time for calcium carbonate formation in the oil field 
wells is short relative to the time necessary for the precipitating mineral to grow, 
experimental data on the kinetics of calcite growth obtained using the seed technique 
(crystal growth) may be considered as applicable to conditions prevailing in wellbores. 

Reddy and Gaillard (1981) made an extensive study of the influence of the solid to 
solution ratio on calcite precipitation rate. They showed that at low solid/solution ratio, 
the rate constant slightly increased with decreasing seed concentration. This can be 
explained by the fact that the nucleation process becomes more significant: small 
crystals and surface roughening characteristic of nucleation are observed. Above a seed 
concentration of around 300 mgIl, the calcite precipitation rate seem to be almost 
independent of seed concentration. The crystal growth process predominates. Mucci and 
Morse (1983) also concluded that the solid to solution ratio did not affect the 
precipitation rates. 

In many studies, rate constants are normalized to the reactive surface area and are given 
in mol cm-2 s-l. Uncertainties on rate constants may be due to the determination of the 
reactive surface area because it is not necessarily equal to the total surface area 
measured by gas adsorption techniques. This is particularly tnie for biogenic carbonates 
having irregular extemal surfaces and complex intemal microstnictures, but not as 
much for synthetic calcite or spar rhombs with relatively smooth crystalliie surfaces. In 
studies in which constants were not normalized to surface area (apparent kinetic 
constant), the initial measured surface area of the seed crystals was used in Our 
calculations. This introduces an additional uncertainty on the calculation of 
precipitation rate because precipitation causes the surface area of the crystals to 
increase. In most of the experiments, the measured total surface areas for calcite and 
aragonite seed crystals ranged from 0.004 to 0.9 m2/g and from 2.04 to 3.4 m2/g, 
respectively. Some workers estimated the surface areas from the geometxy and the mean 
dimension of the particles (Chou et al., 1989). Shiraki and Brantley (1995) found a 
liiear relation between the measured surface area of the starting crystal (Ainit.) and its 
run products (Af111ai), which could be used to obtain the surface area of calcite for each 
m. This relation was given by: 

Afd (m2/g) = 0.034 (mppt/minit. seed) + Ainit. (m2/g) 

where mppt was the calcite mass precipitated during a run and minit. seed the mass of 
seed crystal used in the experiments. 
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1.2.2. Calcium carbonate growth processes 

Crystal growth involves (Berner, 1980): 

-various surface reactions (adsorption, surface nucleation, surface diffision, 
dehydration, ion exchange, etc.) that result in incorporation of the ions into the crystal 
lattice; 

- transport of ions to the surface of a crystal (d i s ion ) ;  
- removal of products of the reaction from the crystal. 

Ignoring product removal, the rate of growth may be limited either by transport, by 
surface chemical reaction, or by a combination of both processes. 

Surface-reaction controlled growth results when attachment via surface reactions is so 
slow that concentrations adjacent to the surface build up to values essentially the same 
as in the surrounding solution. Rate of growth is liiited by surface reactions and is not 
affected by increased flow velocities or increased stirring in the extemal solution. The 
transport properties of the surroundig solution have no influence. Instead the problem 
reduces to one of trying to formulate the slowest or rate controlling step at the surface. 
This is not a simple problem (Berner, 1980) and, as a result, many theories of surface- 
reaction controlled growth have been developed. Nielsen (1983) summarizes three 
general precipitation rate laws, based on physical models of surface-controlled 
crystallization limited by : 

- adsorption (linear law with respect to the free energy change of the overall reaction 
AG); 

- spiral growth at screw dislocations (parabolic law with respect to AG); 
- two-dimensional nucleation on crystal surfaces (exponentiai law with respect to AG). 

In transport-controlled growth, ions are attached so rapidly to the surface of the crystal 
that the concentration in solution immediately adjacent to the crystai is lowered to 
essentially the equilibrium or saturation level. ~ r o w t h  is then limited by the rate at 
which ions can migrate to the surface via diffusion and advection. The rate of growth, 
consequently, depends upon hydrodynamic conditions in the solution, with faster 
growth resulting from increased flow velocities or increased stirring. Situations can 
aise  where surface reactions are sufficiently fast that ion depletion occurs adjacent to 
the crystal surface but transport prevents the concentration from being lowered to the 
saturation value. 
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1.2.3. Main rate laws of calcium carbonate growth 

a) Laws linear with respect to AG: the mode1 of adsorption-controlled 
growth 

Linear rate laws for crystallization have been attributed to adsorption-controlled growth 
(Nielsen, 1983). Al1 these models are examples of rate laws of the simplified form 
derived from transition state theory by Aagaard and Helgeson (1982) and Lasaga (1981, 
1984): 

vnet = - k+ [l - exp(p AG/RT)] = - k+ (1 - CE) 

where vnet is the net rate of the reaction (forward +; backward -) normalized to the 
reacting surface area, k+ is the rate constant of the forward (dissolution) reaction (with 
k+ 1 k- = K), R i s  the gas constant, T is absolute temperature, ln (= QIK) is the degree of 
saturation, Q is the ionic activity product, K is the constant of mass action law and p is 
a constant. 

The following equation: 1 vnet = vp - vd = kp [Caz+] [CO~Z-] - kd = kd (a-2-11 1 
corresponding to the rate of the reaction: Ca2+ + C032- = CaC03 is equivalent to that 
used for adsorption-controlled growth (va& = kads (ln-1)). vp and vd are the calcite 
precipitation and dissolution rates normalized to the reacting surface area, [Ca2+] and 
[C032-] refer to the concentrations of Ca2+ and C032- in solution, kp and kd are the 
precipitation and dissolution rate constants (with kd 1 kp = Ksp) and Ksp is the constant 
of calcite solubility. 

This equation has been used by Reddy and Nancollas (1971), Nanchollas and Reddy 
(1971) and Wiechers et al. (1975). Reddy and Nancollas (1971) made the fust major 
systematic study of calcite precipitation kinetics in simple solutions. They used the free 
drift method with calcite seeds and followed the reaction by monitoring the calcium 
change using either 45Ca or atomic absorption spectroscopy. The pH range of their 
solutions was 8.53-8.80 and pC02 was atmospheric. The precipitation rate was 
independent of stirring rate. This pointed against d i i s ion  as the rate-controlling 
mechanism. 

An equation derived from the general form with p = 112 has been used to fit the 
dissolution rate data of calcite obtained by Sjoberg (1976), Sjoberg and Rickard (1983) 
and Sjoberg and Rickard (1984). According to Sjoberg and Rickard (1983), this relation 
results from a mixed kinetic regime: the interaction of a transport process and a fust- 
order surface chemical reaction. In the experiments performed using a rotating disc 
method (Sjoberg and Rickard, 1983, 1984), a relationship between the observed rate of 
dissolution and the rotational velocity of the disc was obtained, which shows that 
transport processes are relatively important in controlling the dissolution rate. The 
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chemical rate constant was found to be dependent on the crystallochemical nature of the 
reactant calcite. 

Examination of later studies on calcite growth kiietics suggests that models with a 
linear rate law were partly abandoned in favor of the "parabolic law" (Dove and 
Hochella, 1993). However, Inskeep and Bloom (1985) tested several precipitation rate 
equations and concluded that the Nancollas and Reddy (1971) model appeared to be the 
most successful model to describe calcite precipitation at 25OC, pH>8 and pC02<0.01 
atm. In their comparative study, diiferent experiments using a seeded growth technique 
with a pH-stat were performed at initial Ca and HC03 ranging from 0.7-2 and 4-7 
mm01 1-', pH values ranging from 8.25 to 8.70, pC02 values ranging from 6 10-4 to 
0.01 atm, and ionic strengths ranging from 0.015 to 0.10 mol 1-'. Nagy (1988) used a 
kinetic linear law to estimate the temperature dependence of the rate of precipitation of 
calcite from data obtained in initially undersaturated 2m NaCl solutions at 25, 60 and 
90°C. These solutions irnrnediately became supersaturated due to rapid dissolution of 
fine particles. From their experimental results in CaC12-NaHC03 solutions at 10,25 and 
50°C and at different pC02 (0.097, 0.099, 0.88, 0.97 atm), Dromgoole and Walter 
(1990) found liiear rate laws. The rate constant increased with increasing temperature. 
At 25"C, it decreased with decreasing pC02. Shiuaki and Brantley (1995) also found a 
rate showing a linear dependance upon exp(AGIRT) and suggesting growth by a simple 
surface adsorption mechanism, when aH2c03 was greater than 5.07 10-3. 

A summary of the main experiments and results using a linear rate law is given in tables 
l a  and lb. If the rate constant found by Nagy (1988) at 25'C in NaCl solution is 
compared to those obtained by Dromgoole and Walter (1990b), it appears that high 
NaCl concentrations in solution result in a slightly higher precipitation rate constant. 
From Sjoberg and Rickard (1984) experiments, it is shown that high KCl concentrations 
have a similar effect on the dissolution rate constant. 

The value for the apparent Arrhenius activation energy Ea of the calcite precipitation 
reaction calculated by Nancollas and Reddy (1971) was 11.0 kcal mol-', which is in 
good agreement with the values of 10.333.9 kcal mol-' of Wiechers et al. (1975), 
9.433.9 kcal mol-l of Kazmierczak et al. (1982), 11.5 kcal mol-' of Inskeep and Bloom 
(1985) and 8.9 and 10.7 kcal mol-' of Dromgoole and Walter (1990b). Al1 these 
investigators interpreted the value of the apparent Arrhenius activation energy for the 
reaction to be indicative of a surface controlled process rather than a d i i s i o n  
controlled precipitation @a = 4-5 kcal mol-'). Nagy (1988) found a value of 15.8 kcal 
mol-' for Ea in the temperature range from 25 to 89OC. Between 25 and 60°C, Ea was 
estimated to be 11.2 kcal mol-', which was in excellent agreement with the previous 
published values, obtained in the temperature range from 10 to 40°C. The data reported 
by Nagy (1988) suggest a temperature dependence of the activation energy of calcite 
precipitation. This dependence has also been mentioned by Beck et al. (1992). Al1 these 
values are slightly higher than those found by Sjoberg (1976) and Sjoberg and Rickard 
(1984) for pure calcite and Carrara marble dissolution reaction (8.4 kcal mol-' and 7.4- 
8.6 kcal mol-', respectively) or similar to that calculated by Inskeep and Bloom (1985) 
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for calcite dissolution (9.1 kcal mol-'). On the other hand, they are smaller than the 
activation energy of 25.5 kcal mol-' reported by Beck et al. (1992) for calcite 
precipitation under near equilibrium conditions at high temperatures. 

When activation energy is calculated from the results of Dromgoole and Walter (1990b) 
and Shiraki and Brantley (1995), at 25OC and 100°C respectively, using the relation 
derived from the Arrhenius equation: 

where R is the gas constant, Ea is found to be 7.0 - 11.1 kcal mol-', which is very close 
to the previous values. 

b) Laws non Iinear with respect to AG: the mechanistic model of Davies 
and Jones (1955) 

A rate law based on the model developed by Davies and Jones (1955) for crystal growth 
from experiments investigating the precipitation of silver chloride at 25"C, was selected 
by Reddy and Nanchollas (1973), Reddy (1977) and Reddy and Gaillard (1981) for 
calcite precipitation experiments at 25OC (table 2a). The observation that the relation 
between growth rate and degree of supersaturation was non-liiear meant that the 
equations previously described (linear with respect to AG) could not be applied. The 
equation used is the following: 

where CA and CB are concentrations of species A and B, CA,eq and CB,eq are 
concentrations of these species at equilibrium and k is the rate constant. When CA and 
CB are equal, it can be written: 

Burton and Walter (1987) also used a similar rate law for calcite and aragonite 
precipitation in seawater at 25'C (table 2b and 2c) but the rate constant for calcite was 
much lower than those obtained in dilute solutions by the previous workers. As we shall 
see later, calcite precipitation from seawater is a complex mechanism where several 
inhibitors such as magnesium, sulphate slaken the reaction. In their near-equilibrium 
experiments at 100°C and 100 bar, Shiraki and Brantley (1995) found that the rate 
followed this sarne law at high stirring speeds, when amco3 was smaller than 2.33 
and i2 < 1.72. 

This parabolic kiietics was popularized by the BCF (Burton, Cabrera and Frank, 1951) 
theory of crystal growth at screw dislocations, also known as. the spiral growth 
mechanism. The validity of the BCF growth theory and the accompanying parabolic 
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rate law for describing near-equilibrium crystal growth has been demonstrated 
(Bennema and Gilmer, 1973; Berner and Morse, 1974; Gratz et al., 1990). 
Unfortunately, it has been used to explain a great deal of crystal growth data outside the 
range of conditions for which the model was originally intended. Though the parabolic 
rate law is a popular explanation of calcite growth kinetics, it should be applied 
cautiously for two reasons. First, this rate law gives a good fit to almost any initial rate 
experiment (Rimstidt and Dove, 1986). Virtually any set of initial rate data can be fit to 
a parabolic function if a sufficiently short initial time interval is chosen. Second, 
Inskeep and Bloom (1985) demonstrate that the fit of data to a particular model is not a 
good criteria for choosing a reaction mechanism by showing that calcite precipitation 
data fit eight different kinetic models with r2 values greater than 0.96. These 
observations suggest that published studies may overlook other explanations for the 
measured crystallization kinetics, particularly without mechanistic evidence from in-situ 
methods. 

While the non-linear behavior of growth rate with increasing saturation state is 
frequently described by the parabolic rate law, the observations performed by Dove and 
Hochella (1993) suggest that much of this behavior can be attributed to the non-linear 
rates associated with early-stage surface nucleation. For examples, at saturation States of 
C2 > 2, observations show that precipitation invariably begins with the formation of 
surface nuclei. These nuclei "roughen" the surface which makes available a higher 
reactive area for rapid initial growth rates. With continued precipitation, the nuclei 
coalesce to form a new smoother surface that grows by the spreadimg of monolayer 
steps. A mechanism resembling spiral growth appears to become the dominant reaction 
process only after longer reaction times (after nearly two hours). This implies that rates 
of mononuclear growth by spiral mechanisms must be obtained from data collected at 
later stages of an experiment when growth processes are no longer dominated by 
surface nucleation. Othenvise, calculated rates of spiral growth will be too high. Taken 
together, results obtained by Dove and Hochella (1993) suggest that rates of stable layer 
calcite in natural system may be slower than experimentally determined values have 
predicted, because the latter values sometimes include initially rapid rates associated 
with the nucleation phase. 

Using in situ, real time Atomic Force Microscope (MM) measurements of calcite 
surface kiietics, a technique similar to that of Dove and Hochella (1993), very diierent 
results were obtained by Gratz et al. (1993). These workers indicate that calcite growth 
is by advance of monomolecular steps nucleating primarily at screw dislocation, and 
that the rate-controlling step is rotation of the spiral core. They observed no 
spontaneous surface nucleation. It is conceivable that the change in the mechanisms of 
calcite growth is related to the difference in pH in the two experiments (around 6 for 
Dove and Hochella's experiments and around 8 for Gratz et al.'s experiments). 

In the constant composition experiments performed by Mucci and Morse (1983) and 
Mucci (1986) in natural and artificial seawater (Cl from 1.8 to 141) at 25OC, calcite 
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precipitation kinetics is shown to follow third and higher order rate laws following the 
equation: 

where vp is the precipitation rate normalized to the reacting surface area and k is the 
rate constant. These high reaction orders (3, 3.7) bear a resemblance to reaction orders 
found in calcite nucleation studies (Moller and Rajagopalan, 1975) and may suggest 
that the Mucci and Morse (1983) growth experiments are dominated by an extended 
surface nucleation stage. Similar relations were found by Morse (1978) for calcite 
dissolution experiments in seawater and deep-sea sediient porewater at 25'12. 

In order to investigate the influence of seawater salinity on the precipitation rates of 
calcite and aragonite, Zhong and Mucci (1989) performed experiments of calcite and 
aragonite overgrowths from seawater solutions of various salinities (5, 15, 25, 35 and 
44 %O) at 2S°C and pC02 = 10-2.5 atm, using a constant disequilibrium seeded 
technique. The precipitation reactions of aragonite and calcite in seawater could be 
satisfactorily described by the same kind of empirical rate law. High reaction orders 
(from 2.53 to 3.27 for calcite and 1.8 to 2.36 for aragonite) were also found. Salinity 
had no noticeable effect on the precipitation rate of calcite and only a small effect on 
the reaction rate of aragonite as the salinity of the solution was increased from 25 to 
35 %O under the experimental conditions. Three condensed empirical equations and 
coefficients describing the precipitation rate of calcite and aragonite from seawater at 
various salinities were given (table 2b and 2c). These results did not support the 
hypothesis developed from field studies, which suggested that salinity might influence 
the kinetics of carbonate-solution interactions. Also these results are not in agreement 
with those of Badiozamani et al. (1977), who studied the influence of ionic strength on 
carbonate cementation and concluded that an increase in salinity inhibited nucleation 
but enhanced the crystallization rate of both calcite and aragonite. On the other hand, 
they concurred with the conclusions of previous studies of Chen et al. (1979), 
Kazmierczak et al. (1982) and Walter (1986) in solutions other than seawater. These 
studies indicated that calcite growth rates did not change significantly when NaCl or 
CaClz was added to the medium up to a ionic strength of the solution of 0.7 m (for 
NaCl addition) and 0.2 m (for CaC12 addition). The results found for calcite 
precipitation experiments seem to be different from those obtained by Busenberg and 
Plummer (1986) in dissolution experiments, where the addition of single salts of KOK 
KHC03, K2CO3 or CaC12 far from equilibrium decreased the rate of dissolution. This 
change in rate was accounted for by Langmuir isotherm for OH-, HC03-, C032- and 
CaZC on the calcite or aragonite surface. The decrease in rate was attributed to backward 
reactions between adsorbed species and surface species. 

The study of Zhong and Mucci (1989) ais0 confirrned previously published f d i g s  
Gurton and Walter, 1987) that above a given saturation state (L2 2 2.6), aragonite 
precipitated more rapidly than calcite at 2S°C in seawater. Burton and Walter (1987) 
carried out laboratory experiments to investigate the relative growth of calcite, Mg 
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calcite, and aragonite in seawater as functions of both temperature (5, 25 and 37°C) and 
of carbonate ion concentration (2.5 to 15 times supersaturated with respect to calcite). 
The rate equations (table 2b and 2c) obtained were similar to those of Zhong and Mucci 
(1989, 1993). The reaction order n (= 2 at 25'C) for calcite precipitation was lower than 
the values closer to 3 reported by Mucci and Morse (1983) and Mucci (1986). The 
precipitation rates of aragonite relative to those of calcite increased strongly with 
increasing temperature (at 5OC, the precipitation rates of both minerals are nearly 
equivalent) and were not affected greatly by changes in saturation state. Calcite 
compositions varied from less than 5 molYo MgC03 at 5OC to 14 moly0 MgC03 at 
37OC. 

Ail the rate equations based on parabolic rate law mentioned so far are examples of the 
general equation suggested by Lasaga (1981) for interpretating most dissolution and 
precipitation rates which are controlled by crystal defects: 

For smali AG (near equilibrium), this equation simplifies to the following form: 

where [AGI is the absolute value of AG. - k+ applies when AG is negative and k+ when 
AG is positive. 

When n = 2, Blum and Lasaga (1987) showed that mineral growth is controlled by 
spiral growth at screw dislocations while when 2 < n 2 3, growîh is controlled by both 
screw and and edge dislocations. 

Another form of the mechanistic model of Davies and Jones (1955) can be derived for 
the case when CA in solution is not equal to Cg. The resulting equation can be written 
as follows: 

House (1981) showed that this model led to good agreement with experimental data 
when the extent of precipitation was between 0.1 and 0.45 (table 2d). Kazmierczak et 
al. (1982) used this equation to fit the precipitation rate data of calcite obtained over a 
pH range from 8.25 to 10.0 and between 15 and 35°C. Inskeep and Bloom (1985) tested 
this model to describe calcite precipitation at values of pC02 less than 0.01 atm and 
values of pH greater than 8 at 25OC. They concluded that this model was consistent with 
the experimental data but was based on an erroneous explanation of surface potentials. 
This model probably fitted the data because it was mathematically similar to the 
Nancollas and Reddy (1971) model which describes elementary reactions at the crystal 
surface and was more successful at predicting calcite precipitation rates than parabolic 
models based on disequilibrium driving force processes. 
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Tables 2% 2b, 2c and 2d summarize the main experiments and results 

c) Laws non-linear with respect to AG: the surface nucleation limited rate 
la w 

At high values of supersaturation, nucleation and growth occur not only at screw 
dislocation outcrops, but also at two-dimensional nuclei on the crystal surface. Two- 
dimensional nucleation can occur as one nuclei per crystal face (mononuclear growth) 
or as several nuclei per crystal face (polynuclear growth). 

In polynuclear growth where many nuclei form on a crystal surface before the face 
grows a complete new layer of crystal, the growth rate is rate-iiiited by nucleation 
following the equation (Nielsen, 1983): 

1 vp = A exp (- W(AGIRT)) 1 

where A and K are constants. 

In their near-equilibrium experiments at 100°C and 100 bar, Shiraki and Brantley 
(1995) found a growth rate described by this model at high stirring speeds, when 
amco3 < 2.33 10-3 and exp (AGLRT) > 1.72. Values for A and K constants were 10-7.28 
and 2.36 respectively. 

d) Complex reaction rate law (for seawater and relatively high salinity 
solutions) 

Experiments of calcite precipitation in phosphate-free seawater at 25OC, using a 
constant addition technique, led Zhong and Mucci (1993) to propose a complex reaction 
rate model. Their results consistent with those of Mucci (1986) and Burton and Walter 
(1990) showed that calcite precipitation rate was not affected significantly by variations 
of pCOz in seawater solutions. Similar observations had been made by Berner in calcite 
and aragonite precipitation experiments (1975). Zhong and Mucci (1993) concluded 
that the influence of dissolved carbonates on precipitation rate was dominant. 
Consequently, their model was based upon the fastest and therefore the rate determining 
precipitation reaction, which involves interaction of the carbonate and calcium ions: 
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The measured precipitation rate, vnet, was adequately described by the equation: 

vnet = vf - vb = kf ~(a~,)nl(a~-,~ )nZ - kbl 1 
where vf, vb and k f ~ ,  kbi are the fonvard and backward reaction rates and rate constants 
respectively and ni and m is the partial reaction rate order for each species involved in 
the reaction. 

When [Ca2+] was held constant through the precipitation experiments, the above 
equation was reduced to: 

vnet = Kf l[C032-]* - kbl 

Over a wide range of saturation stites and extending to near saturation conditions at 
25"C, the least-squares fit to this expression yielded values of Kfi = 

103.5 pm~l(kg)~/rn~h(mmol)~, n2 = 3 and kbi = 0.29 pmoi/m2h, when pC02 = 

0.003 1 atm and [Ca2+] = 10.5 mmollkg sw (vnet was given in pmollm2h). 

The partial reaction order of 3 for the carbonate species confmed that calcite 
precipitation in seawater proceeded through a complex mechanism, as suggested by 
previous calcite-seawater interaction studies. The consequence is that mechanistic 
kinetic expressions derived from an elementary reaction to describe calcite precipitation 
in dilute solutions cannot be applied diiectly to seawater. The interaction of seawater 
solutes in solution as well as at the surface of the precipitating solid are most likely 
responsible for the different reaction mechanisms in dilute and complex electrolyte 
solutions (Zhong and Mucci, 1993). The calcite dissolution rate constant derived from 
this study (10-14.09 mol cm-2 s-l) was ~ i g ~ c a n t l y  lower than values obtained in dilute 
solutions (k3 value in Plummer et al., 1978 or in Chou et al., 1989). As we will see later 
(section 1.3.), this observation is in agreement with the results of others studies 
indicating that calcite dissolution is rnuch faster in dilute solutions than in seawater 
under identical saturation conditions. 

The experimental data obtained by Zhong and Mucci (1993) were also very well fitted 
over a wide range of calcite supersaturation (L2 from 1.2 to 8) by the empirical law: v = 

k (Cl-l)n where k = 10-13.35 mol cm-2 s-1 and n = 2.22 (table 2b). These values are in 
agreement with those of previous studies. 

In another kinetic study using a similar technique, Zuddas and Mucci (1994) carried out 
experiments in NaCl-CaC12 solutions at 25OC, at total ionic strength of 0.7 m and at 
four different pC02 (3.04 IO4, 3.14 10-3, 2.04 and 0.305 bar) in order to 
characterize the influence of solution composition and specific dissolved components 
on the complex mechanism of calcite precipitation in seawater. Calcite precipitation 
was dominated by the same reaction as in seawater solutions and the same rate law 
equation was applied. nz was also found to be equal to 3. However, unlike experiments 
performed with seawater precipitation rates were affected by variations in pC02. This 
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was interpretated as a contribution of the bicarbonate ion to the precipitation reaction. 
This contribution can be represented by the reaction: 

Under their experimental conditions (1.1 < L2 < 8.3), the calcite precipitation rate vnet 
was described by the following equation: 

vnet = Kfi[C032-13 - kbl + Ka[HC03-]* - kb2 (ymcm) a pC02 

where Kn = ka (ac2+)" (wo3-)' , a is the solubility of CO2 in the experimental 
solution and yi, n are activity coefficients, partial reaction rate order respectively, for 
each species involved in the reaction. 

The experimental data obtained by these workers were also well fitted by the empirical 
law equation: v = k (fi-1)" but the values of the constants k and n were different for 
different pC02 values (table 2b). The lack of dependence of pC02 reported by Zhong 
and Mucci (1993) for calcite precipitation rates measured in seawater was interpreted 
by Zuddas and Mucci (1994) as a differential inhibition of the reactions participating in 
the overall growth process. 

e) Mechanistic rate equations assuming multiple elementary reactions 

The first comprehensive study of the influence of the concentration of the reactants on 
the rate of dissolution of calcite has been performed by Plummer et al. (1978). These 
workers carried out systematic experiments on calcite dissolution in CO2-H20 solutions 
using pH-stat and free-drift methods. The ranges of values of pH, pC02 and 
temperature were 2-7, 0.0003-0.97 atm, and 5-60°C, respectively. Plummer et al. 
(1978) found that their results could be interpreted following three regions of pH and 
suggested that calcite dissolution was controlled by the foliowing three reactions: 

CaCO, + H20 = Ca2+ + H C 0 3  + OH- (3) 
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They presented a rate law for net calcite dissolution rate given by the following 
equation: 

vnet = ki aH+ + k2 amco3 + k3 amo- k4 a C a  aH,-03- 

where vnet is the rate of dissolution normalized to surface area. ki, la and k3 (moles 
cm-2 s-') are rate constants for dissolution which are dependent upon temperature. k4 is 
a rate constant for the backward reaction of equations (1) through (3) and is dependent 
on temperature and pC02. amO was always close to unity. k4 was determined from the 
slope of the line obtained when (vnet - ki aH+) is plotted against the product a,?+ 
a ~ ~ o 3 -  at constant pC02. 

In region 1 (pH < 4) dissolution rate was described by the term ki, which is dependent 
on the stirring rate but independent of pC02. In this region, rate was limited primarily 
by H+ transport through the diifusional boundary layer adjacent to the calcite surface 
and was directly proportional to the bulk-fluid hydrogen ion activity. In region II (4.0 < 
pH < 5.5) dissolution rate depended on both pH and pC02 and was described by the ki 
and la terms. The rate above pH 5.5 was described by kz, lu and the precipitation rate 
k4 (dependent on p C 4 )  and was independent of pH for CO2-free solutions far from 
calcite equilibrium. 

The expressions of ki, la and lu as a function of temperature (T in "K) were as follows: 

log ki = 0.198 - 444lT - 3 
log k~ = 2.84 - 21771T - 3 
l o g u s -  1.10- 1737lT-3 

The Arrhenius activation energies were found to be about 2, 10 and 7.9 kcal mol-' for 
ki, k2 and k3, respectively. The ki value is similar to that of the activation energy for 
transport control under turbulent conditions. The la value indicates control by a 
heterogeneous reaction. The k3 value is close to that found by Sjoberg (1976) and 
Sjoberg and Rickard (1984) for dissolution reaction of pure calcite and Carrara marble 
(8.4 kcal mol-' and 7.4-8.6 kcal mol-', respectively) and is not far from those 
commonly given for calcite precipitation rates (around 10 kcal mol-'). 

Plummer et al. (1978) also derived the same rate equation using an extension of the 
adsorption heterogeneous reaction mode1 of Mullii (1972) and showed that the rate 
constant k4 could be written: 

where k'4, k 4  and k"4 are the constants for the backward reactions of equations (1) 
through (3) and the suscript s denotes surface (adsorption layer) values. From the 
principle of microscopic reversibility, fonvard and backward rates of al1 reactions must 
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balance at equilibrium. Consequently, k4 relation became: 

where K2 is the second dissociation constant of carbonic acid, Kc is the equilibrium 
constant for CaC03 = Ca2+ + C032-, k'i is the forward rate constant of reaction (1) (k'i 
being some 10 to 20 times larger than the transport constant ki denved in the pH-stat 
experiments). 

Plummer et al. (1978) assurned that awco3 (s) was equal to ~ ~ 2 ~ 0 3  of the bulk solution 
and a$(,) could be approximated by the equilibrium value of aH+ They adopted the 
experimentally determined value of ki for k'i. Because k'i > ki, the calculated value of 
k4 should be smaller than the experimentally determined value. They observed this 
systematic bias and considered it as evidence of validity of their model. 

Plummer et al. (1978) tested their model using only dissolution experiments and did not 
nin experiments to observe net precipitation of calcite. Plummer et al. (1979) noted the 
similarity of the equation described by Nancollas and Reddy (1971) for precipitation to 
the results obtained for dissolution at low pC02 values. Reddy et al. (1981) measured 
calcite precipitation rate at 25OC, and pC02 between 0.03 and 0.3 atm. They showed 
that the Plummer et al. (1978) model was applicable in these conditions. It was usually 
possible to predict the reaction rate to within a factor of 3 over a several order of 
magnitude change in reaction rate. The agreement was generally poorest near 
equilibrium. The model was found to be not as good a predictor of reaction rate at high 
pC02 values as at low values. However, the Plummer et al. (1978) model remains the 
only model which attempts to describe calcite dissolution and precipitation at al1 
solution pH and pC02 values. 

House (1981) carried out a complex test of different models for calcite precipitation 
using a seediig technique and found that the experimental data were adequately 
described by the Plummer et al. (1978) model. Most of others models (Nanchollas and 
Reddy, 1971; parabolic law models) were not in agreement with the data. In their 
comparative study, Inskeep and Bloom (1985) found that most of their experimental 
data were consistent with the model of Plummer et al. (1978). However, this rate model 
which is fust order in OH+) (calcite saturation value) underestimated precipitation 
rates when initial ratio [Ca]/[C03] varied. At pH > 8 and pC02 < 0.01 atm, Inskeep and 
Bloom (1985) suggested the formation of a surface activated complex. 

Busenberg and Plummer (1986) indicated that the Plummer et al. (1978) model failed 
to predict accurately calcite and aragonite dissolution rates very far from equilibrium 
and particularly very near equilibrium in Ca(HC03)2 solutions. In addition, the model 
could not predict reasonably accurate crystal growth rates near equilibrium. Therefore, 
they investigated the dissolution and growth of calcite and aragonite in supersaturated 
Ca(HC03)2 solutions at 25'C over a wide range of saturation states (up to 100) and CO2 
partial pressures (from 10-3.5 to 1 atm). They used and refmed the model of Plummer et 
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al. (1978). For experimental data of calcite and aragonite dissolution near equilibrium, 
they proposed the empirical rate law: vd = ks (l-!2)n. They obtained: ks = 10-9.19 mol 
cm-2 s-1 and n = 0.9 for calcite and ks = 10-9.44 mol cm4 s-l and n = 1.16 for aragonite. 
In general, these constants are expected to depend on composition of the solution. At 
!2 > 1.5 for calcite and > 2 for aragonite and over the range of pC02 investigated, they 
found a rate of crystal growth given by: 

where c is a constant (1.45 for calcite and 2.0 for aragonite), E is the equilibrium 
product of Ca2+ and HC03- for the appropriate CaC03 polymorph. Near equilibrium, 
the rate of calcite growth might be described following a similar empirical relation to 
that used for the dissolution near equilibrium: vp = b (1-!2)n. However, Busenberg and 
Plummer (1986) could not determine the ks constant because of the extremely slow 
rates of precipitation and because of the metastable nature of the supersaturated 
solutions. Results showed the existence of a change in reaction mechanism at L2 = 1.5 
for calcite and Cl = 2.0 for aragonite. The latter minerai was found to grow at 
signûicantly slower rates than calcite in supersaturated calcium bicarbonate solutions. 
Consequently, kiietic factors were considered to account for the absence of aragonite in 
fresh-water environments. 

Talman et al. (1990) showed the applicability of the P l u m e r  et al. (1978) mode1 to 
calcite dissolution in dilute solutions at 100, 150, and 210°C. Chou et al. (1989) carried 
out dissolution experiments for calcite, aragonite, dolomite; magnesite and witherite 
using a continuous fluidized bed reactor at 25OC. The dependence of reaction rate on 
pH observed for calcite and aragonite was similar and in agreement with the results 
obtained by Plummer et al. (1978). Chou et al. (1989) confi ied that calcite and 
aragonite dissolution/precipitation was controlled by the three same reactions as those 
used by Plummer et al. (1978) but proposed to express reaction (3) as: 

This expression was not consistent with the experimental observations of Plummer et 
al. (1978). Accordiig to the stoichiometry of the three reaction steps and following 
thermodynamic constraints, the total forward and backward rates could be expressed as: 

and 

1 vp = k-i aca2+ aHC03- + k-z aCaZ+ (aaco3-)z+ k-3 aca2+ aco32- 1 
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For each of the elementaq reactions, the equilibrium conditions implies that: K i  = k i k i  
(Ki is the equilibrium constant of reaction) and thus the values of the backward rate 
constant k-i can be calculated from its corresponding equilibrium and forward rate 
constants. Chou et al. (1989) noticed that the decrease in the rate of calcite dissolution 
observed at high pH clearly showed that the rate of the backward reaction of calcite 
precipitation close to saturation became important above pH 8. They showed the 
relative contribution of the three backward rates at pH > 6, indicating that the third 
backward equation was the prevailing step in their experiments. Consequently, they 
interpreted calcite and aragonite dissolution/precipitation reactions with the following 
rate law: 

which they argued describe calcite and aragonite growth and dissolution under varying 
pC02. k-3 = k3 / Kq and KT is the solubility product of the correspondmg calcium 
carbonate. Their observations as well as those of Inskeep and Bloom (1985) suggested 
that it was not necessary to evoke the existence of a difference in composition between 
the bulk solution and the surface layer (model of Plummer et al., 1978). 

In their experiments of calcite dissolution in 0.5 M KCl solutions at pH > 7 and at 
25"C, Compton and Pritchard (1990) found a rate equation derived from the model of 
Plummer et al. (1978) to be the one that best described the rate of dissolution in terms 
of surface speciation: 

where k' = k / KT . k is dependent upon surface morphology. The subscript s denotes 
the surface values of concentration. The values found for the rate constants k and k' 
(corresponding to lo and k-3 in the modiied P l u m e r  et al. (1978) model) were 10-10.02 
and 10-2.15 mol s-', respectively. 

The mechanistic model of Plummer et al. (1978) adequately described the precipitation 
rate when growth followed the spiral growth equation in the near-equilibrium 
experiments at 100°C and 100 bar performed by Shiraki and Brantley (1995). The rate 
constant k4 ranged between 7.08 IO4 to 1.01 10-3 mol cm-2 s-1 in the amco3 range 
studied. Outside of the regime of spiral growth, Plumer's model failed, suggesting that 
different elementary reactions controlled growth in the adsorption or two-dimensional 
nucleation regimes. Shiiaki and Brantley (1995) concluded that no one model covered 
dissolution and precipitation under al1 values of AG for calcite growth. Tests of the 
affiity-based models for calcite growth revealed that none of these models accurately 
predicted dissolution. Therefore, although affinity-based models may yield insights 
concerning the physical mechanism of growth, they may not be as useful in modelling 
dissolution and growth over the full range of AG. 
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Araki and Mucci (1995) measured calcite dissolution rates in deionized water at 25'C 
and fured pC02 (1 atm, 30%, 2%, 0.3%) using a free-drift technique. The data were 
corrected for gas phase disequilibrium and combined to corrected dissolution and 
precipitation rate measurements from previous investigations. These results were fitted 
to a k ie t ic  expression derived by coupling the mechanistic models of Plummer et al. 
(1978) and Chou et al. (1989) to the surface complexation model of Van Cappelien et 
al. (1983). Araki and Mucci (1995) found that the following reactions adequately 
described calcite dissolution and precipitation mechanism in dilute solutions over a 
wide range pC02, pH and state saturation: 

The reaction rate vne. was given by: 

vnet = ki >CO3- + (ka-ks) >CaC ~ ~ 2 ~ 0 3  + k4 - (k6-10) > C03H0 acaHc03+ 

- k7 >Ca+ ~ H Z C O ~  acac030 - ks ~ C ~ C O Y  

where > i are the densities of surface complexes (mol/m2), ai are the activities of 
dissolved species and ki are the constants corresponding to the above reactions. The 
calculations and values obtained for ki and densities of surface complexes are not 
reported in this review due to their complexity. 

The rate constants obtained from fitting the data set to this equation were compatible 
with values reported by Plummer et al. (1978) and Chou et al. (1989). However, Araki 
and Mucci (1995) concluded that their model provided a much better representation of 
calcite reaction kietics in distilled water than the previously proposed models, 
particularly for the precipitation component. Accordmg to Araki and Mucci (1995) the 
model of Plummer et al. (1978) adequately described calcite dissolution rate but 
overestimated precipitation rates particularly at high pH and low pCOz. The model of 
Chou et al. (1989) overestimated dissolution rates and underestimated precipitation 
rates at low pH or high pC02. Araki and Mucci (1995) announced that the validity of 
their model would be demonstrated for the same reactions in strong electrolytic 
solutions, including seawater, in a forthcoming paper. 
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A summary of the main experiments and results is given in table 3, 

1) Diffusion-limifed crysfal growth law 

At the surface of crystals growing from solution, transport of species occurs only by 
diffusion (MuIlin, 1972) in a thin stagnant layer, the diffusion boundary layer (DBL). If 
precipitation is very fast, a gradient of concentration of solute (Chu - Ceè) / Ax is 
observed in the DBL (Ax is the thickness of the DBL) and provides the driving force for 
diffusion. If crystal growth is entirely controlled by diffusion, the precipitation rate vp 
normalized to the specific surface area is proportional to this gradient following the 
relation: 

1 vp = D / AX (Cbulk - Ceq) 1 

where D is the d i i s ion  coefficient of solute in the DBL. This equation predicts that the 
precipitation rate is considerably affected by the stirring speed because the thickness of 
the DBL is itself a function of the stirring speed. For diffusion-controlled reactions, the 
rates are higher than those of surface reactions and the activation energies are lower. 

As indicated by several workers (Berner and Morse, 1974; Plummer and Wigley, 1976; 
Plummer et al., 1978; Sjoberg and Rickard, 1983, 1984), diffusion-controlled reactions 
are dominant for calcite dissolution below pH 4 at low temperature. In their near- 
equilibrium experiments of calcite precipitation at 100°C and 100 bar, Shiraki and 
Brantley (1995) observed that the precipitation rate was entirely controlled by .diffusion 
only at low stirring speeds (400 rpm), but also: 

- at low values of M when amco3 was smaller than 3.53 10-4; 
- at high aHzco3 and higher M .  

Very little information about diffusion-controlled precipitation of calcite is available in 
the literature because most studies conducted at low temperature were performed at 
relatively high pH and studies carried out at high temperature, where diisional 
processes are more liiely to be rate limiting (Murphy et al., 1988), are very rare. For 
example, Talman et al. (1989) found that the rate of calcite dissolution was dependent 
on pC02 and stirriig rate in their experiments in CO2-H20 system at 210°C. 

1.3. FIELD DATA FOR CALCITE PREClPlTATlON RATES 

If many laboratory experiments have been performed to investigate the reaction kinetics 
of calcite in H20-CO2 systems and in seawater at 2S°C, few researchers have attempted 
to quantify calcite dissolution or precipitation rates on the basis of. field data (Herman 
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and Lorah, 1988). Field measurements of precipitation rates were done for two kinds of 
natural systems: spring-fed streams and deep-sea carbonate sediments. 

1.3.1. Spring-fed streams 

Herman and Lorah (1988) determined rates of calcite precipitation in a travertine- 
depositing stream by measuring changes in stream composition between consecutive 
sampliing points. Rates were calculated from a combination of mass transfer modelliig 
and hydrologic measurements and ranged from 0.02 to 3.0 mol cm-2 s-l. These 
values compare well with the range in precipitation rates obsewed in laboratory crystal 
growth experiments. Herman and Lorah (1988) compared the values obtained in the 
field with rates predicted from the laboratory-derived rate law of Plummer et al. (1978). 
The agreement was generally within an order of magnihide and routinely within a factor 
of 3. Because of the fundamental differences between the two approaches, the 
agreement between mass transfer rates and the values calculated from the Plummer et 
al. rate law was considered to be good. The surface area estimated for stream bed 
appeared to be the dominant source of error when comparing the different approaches. 
Herman and Lorah (1988) pointed out that the assumption of uniform flow velocity 
might cause a large error if the rates were calculated in terms of reaction in a volume of 
solution per unit time. 

Dreybrodt et al. (1992) and Zaihua et al. (1995) calculated deposition rates for calcite 
precipitated in spring-fed streams due to outgassing of COz. They used a mass transfer 
model for calcite precipitation taking into account the reaction rates given by Plummer 
et al. (1978), the slow conversion of CO2 into H+ and HC03-, and the diffusional mass 
transport across the diffusion boundary layer (Buhmann and Dreybrodt, 1985; 
Dreybrodt and Buhmann, 1991). The calculated rates were in good agreement with the 
field data (values from 0.1 to 6.5 10-11 mol cm-2 81). Using only the model of Plummer 
et al. (1978), the calculated rates turned out to be too high by one order of magnitude. 
These workers noticed that this result was not unexpected since these calculations 
neglected the diffusion boundary layer between the surface of the tablets and the 
turbulent flowing solution, which represented a diffisive resistance (the chemical 
composition measured in the buk fluid was different from that at the calcite surface). 
They concluded that, at fast flow conditions, a reasonable prediction of calcite 
precipitation rates was possible by using the rate equation of Plummer et al. (1978) and 
correcting it for the influence of the boundary layer by reducing the obtained rates by a 
factor of ten. For still waters of identical chemical composition to that of fast flowing 
waters, Zaihua et ai. (1995) measured lower calcite deposition rates, by a factor about 
4. They deduced a clear evidence for the influence of hydrodynamic conditions on 
calcite deposition rates. 

1.3.2. Deep-sea sedirnents 

Baker et al. (1982) calculated rates of recrystallization of calcite in deep-sea carbonate 
sediments from the degree of equilibration between the carbonate sediments and their 
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pore fluids in Deep Sea Drilling Project drill cores. They found rate constants ranging 
from to 10-l9 mol cm-2 s-l, at 5OC. They are much lower than those given by 
Lorens (1981), Mucci and Morse (1983) or Busenberg and Plummer (1986), which 
range from 10-14.0 to 10-9.5 mol cm-2 s-1 at 25OC. 

On the other hand, these values are in agreement with the rate extrapolated to low 
temperatures from the results obtained by Beck et al. (1992), using an isotopic doping 
technique, in a 0.5 m NaCl fluid at 500 bar and at 250, 300, 350 and 400°C (10-12.7, 
10-12.33, 10-11.55 and 10-10.88 mol cm-2 s-l, respectively). Beck et al. (1992) indicated 
that the rate-controlliig mechanism is extremelv slow at near-equilibrium conditions. 
even at high tempera&res, and apparently u&elated to the di~solution/precipitatio~ 
mechanism prevailiig under conditions relatively far from equilibrium. 

The rates of recrystallization for deep-sea carbonates determined by Baker et al. (1982) 
are also very different from the net CaC03 dissolution rate given for deep-sea 
sediments. Peterson (1966) estimated a dissolution rate of around 10-13.10 mol cm-2 s-l 
in the Central Pacific. Dymond and Lyle (1985) in the Guatemala Basin (eastern 
equatorial Pacific) and Berelson et al. (1990) in the centrai equatorial north Pacific 
found an approximate value of 10-12.33 mol cm-2 s-l. For Berelson et al. (1990) the 
degree of undersaturation (1 - Cl) used in the study was 0.16. This dissolution rate is 
already 20% of previous estimates but is consistent with dissolution rate constants 
predicted from laboratory experiments with deep-sea and shallow sediments (Morse, 
1978; Keir, 1980; Walter and Morse, 1985). The experiments of Morse (1978) were 
carried out near equilibrium conditions (Cl from 0.54 to 0.91) for calcium carbonate 
rich deep-sea sediments collected in the Indian, Pacific and Atlantic oceans. Al1 these 
values are closer to those found by Lorens (1981) or Mucci and Morse (1983) and 
Zhong and Mucci (1993) in calcite precipitation experiments. Even if the reactive 
surface area, which is related to grain size and the stmcture of calcite, is highly variable 
(a factor of about 100), especially for biogenic calcites (Walter and Morse, 1984; 
Walter and Morse, 1985), the large difference observed between the rates obtained by 
Baker et al. (1982) and Berelson et al. (1990) cannot be explained by variation in this 
parameter only. 
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2. Kinetics of precipitation 
of other carbonates 

Kinetic studies of dissolution-precipitation reaction for carbonate minerals other than 
calcium carbonate are not as abundant as for calcite. Numerous experimental studies 
and field studies investigated the mechanism of dolomite formation (Hardie, 1987) but 
attempts to study the reaction kiietics of dolomite have been largely unsuccessful 
(Morse, 1983). Only a few most significant studies of the kinetics of dolomite, 
magnesite and witherite dissolution (Lund et al., 1973; Busenberg and Plummer, 1982; 
Herman and White, 1985; Faux et al., 1986; Chou et al., 1989; Talman and Gunter, 
1992) are reported in this review. Most of the data obtained by these workers were 
described by an empirical mechanistic rate law, assuming elementary reactions and 
similar to that used by Plummer et al. (1978) for calcite. No kinetic data for dolomite 
precipitation were found in the laboratory syntheses of dolomite used to examine the 
controls on growth. To achieve discemible reaction in the laboratory, high temperatures 
ancilor extreme supersaturation were required in these studies. Sibley et al. (1994) 
reviewed most of the data on dolomitization of CaC03 at high temperatures (100- 
300°C) and presented new data but no value of dolomitization rate was given. Brady et 
al. (1996) cinsidered the dolomite growth solely from an interfacial kinetics standpoint 
but did not report any kinetic data. They used surface adsorption measurements to test 
reaction pathways for dolomite growth as a continuum exists between metal sorption 
and growth of metal carbonate minerals. The measured total surface area for the 
dolomite used in their experiments was 0.5 m2/g. 

2.1. KINETICS OF DOLOMITE 

2.1.1. Kinetics of dolomite dissolution 

Busenberg and Plummer (1982) studied the dissolution kiietics of eight different 
dolomites far from equilibrium in dilute solutions, from 1.5 to 6S°C, at fixed pH values 
from O to 10 and at fixed pC02 values (from O to 0.96 atm) using single crystals and a 
weight loss method. In their experiments, two stages were recognized in the dissolution 
of dolomites: 

- a very brief non-stoichiometric dissolution stage from the fresh dolomite surface 
releases CaC03 faster than MgC03 and results in a MgC03 enriched surface; 

- in  the next and most important stage, both CaC03 and MgC03 are released 
stoichiometrically. 

These workers showed that when samples with a small surface area were dissolved for 
long periods of time, the dissolution appeared congruent. Samples with a very large 
surface area dissolved for short periods of time showed non-stoichi'ometric dissolution. 
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There was a strong evidence for backward reaction in many of their experiments even 
far from equilibrium, but no evidence for the formation of dolomite. The most 
important backward rate observed below pH 7.0 resulted from the reaction of positively 
charged surface sites with adsorbed HC03- from the buik solution. It was apparent that 
the presence of HC03- caused a decrease in the net rate of dolomite dissolution. 

The overall rate of dissolution of dolomite was described by the following mechanistic 
rate equation: 

1 M e t  = kl anH++ k2 a%C03 + k3 a b O  - k4 a ~ ~ 0 3 -  1 
where ki, kz, k3 are fonvard rate constants and k4 is the backward rate constant. The 
exponent n is equal to 0.5 at temperatures below 45"C, and for hydrogen ion rate 
dependence, n equals 0.6, 0.7, and 0.85 at 55, 65 and 100°C, respectively. This equation 
could be used to predict dissolution rate of dolomite in a variety of aqueous solutions 
provided the calculated rate was greater than 10-13 mol cm-2 s-1. 

Because of the lack of microscopic reversibility between the forward and backward 
reaction mechanisms, Busenberg and Plummer (1982) emphasized that this equation 
was not complete and did not account for al1 backward reaction mechanisms. It was 
clearly showed that equilibrium took an extremely long time to be achieved. It was 
noticed that dissolution rates of dolomite were 100 t ima slower than calcite, and the 
backward reactions reduced these rates even further to the point where weeks or months 
were necessary to dissolve detectable amounts of solid (- 5 pg) at pH values greater 
than 6.0. Relatively low concentrations of HC03- could almost completely stop the 
dissolution of dolomite far from equilibrium. Results suggested that reversible 
dolomite-solution equilibrium could not be achieved in the laboratory at less than 45°C. 
Backward reactions were demonstrated that can form calcite and aragonite in calcium 
bicarbonate solutions. 

The observed rates varied from sample to sample. There were very significant 
diferences between dissolution rates of sedimentary dolomites and of hydrothermal 
dolomites. The hydrothermal dolomite dissolved ~ i ~ c a n t l y  slower at 5OC; however, 
the rates of dissolution were comparable at 45OC and above. Dissolution reaction rates 
were ~ i g ~ c a n t l y  more dependent on crystallographic order than they were on 
compositional variations. Solids with the highest crystallographic ordering dissolved the 
slowest and might be more stable. The backward rate constant k4 was independent of 
the mode of origin of the dolomite but dependent on the mole percent FeC03 in the 
dolomites. 

Experirnentally determined values of ki, kz, lo and k4 between 5 and 65°C were 
reported for the eight dolomite samples. Below 45OC, al1 the forward reaction rates 
were controlled by heterogeneous surface reactions, had large Arrhenius activation 
energies, and were independent of stimng speed. The Arrhenius activation energies of 
ki, k2 and lo for hydrothermal dolomites (12.4-21.4, 12.2-18.5 and 16.2-38.0 kcal 
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mol -l, respectively) were higher than those for sedimentary dolomites (7.3, 7.0 and 
9.5-13.1 kcal mol-', respectively). A temperature dependence of the rate constants 
between O and 45°C for typical sedimentq and typical hydrothermal dolomites was 
given by Busenberg and Plummer (1982). 

This dependence was described by the equation: 

log ki = a (UT) + b 

where a and b are constants, ki and T are given in mol cm-2 s-i and "K, respectively. 

The values of a and b constants are shown in table 4a. The corresponding calculated 
values of ki at 25OC and 45°C are reported in table 4b. Above 45"C, a change in the 
dissolution mechanism probably occurred. The Hf dependence of the fonvard rate was 
at least in part controlled by the hydrodynamic transport of reactants ànd products 
between the surface and the bulk solution. These results were consistent with those of 
Lund et al. (1973), who investigated the kinetics of dolomite dissolution as a function 
of HCl concentration between 25 and 10O0C, and found significant stirrimg dependence 
at 100°C in 1M HCl solution under 41 atm N2 pressure but not at temperatures below 
50°C. The values of ki and n (10-7.2 mol cm-2 s-1 and 0.48 respectively) calculated from 
the original data of Lund et al. (1973) at 25'C were in good agreement with the values 
obtained by the study of Busenberg and Plummer (1982) for similar sedimentary 
dolomites. 

In their dissolution experiments of various carbonate minerals using a continuous 
fluidized bed reactor at 25"C, Chou et al. (1989) obtained results similar to those of 
Busenberg and Plummer (1982) and used the same rate equation to describe their 
experimental data for the fonvard dissolution rate of dolomite (table 4b). They found, 
however, that n was equal to 0.75 (instead of 0.5). Chou et al. (1989) pointed out that 
the two-step reaction mechanism proposed by Busenberg and Plummer (1982) did not 
explain the fractional reaction order observed (< l), which might be due to a more 
complex surface reaction. They did not give any value for the backward rate constant. 

Talman and Gunter (1992) studied the rates of dolomite dissolution in CO2 and HC1 
bearing solutions from 100-200°C. The results of this study supported the observation 
of Busenberg and Plummer (1982) that the rate of dolomite dissolution above about 
50°C became progressively more dependent on diffusional processes as temperature 
was increased (shif? from a surface reaction controlled reaction to a transport controlled 
reaction). It was found that the rate constants of the rate equation proposed by 
Busenberg and Plummer (1982) were more sensitive to stirring speed as temperature 
increased. At 200°C, experimental data were inconsistent with the rate expression. 
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2.1.2. Dolomite growth: rate-limiting steps 

According to Brady et al. (1996), exchange andlor adsorption of metals ont0 carbonate 
mineral surfaces causes an initial rapid uptake of metals from solution. This is followed 
by incorporation of metals with the formation of surface precipitates andor solid 
solutions. To constnict a unit ce11 of dolomite from a dolomite seed crystal or nucleus 
requires the stoichiometric adsorption of Ca and Mg onto their respective planes 
followed by the dehydration and carbonation of each ion. Because Ca and Mg 
adsorption is stoichiometric, metal dehydration and carbonation must be a slow, rate- 
detennining step for dolomite growth. As calcite grows rapidly at low temperature, 
dehydration and carbonation of adsorbed Ca is rapid relative to Mg (magnesite is 
notoriously difficult to grow in the laboratory at low temperature). The rate-liiiting 
steps for dolomite growth are therefore thought to be the dehydration and carbonation 
of the adsorbed Mg ion. At alkaline pH (pH > 9), CO3 levels are high, the MgCO3 
complex is abundant in solution and the adsorption and incorporation of the latter into a 
growing dolomite structure is easily envisioned. Nevertheless, the pH values of natural 
waters rarely exceed pH 9 and MgC03 is generally a minor constituent. In sulphate-rich 
solutions, Ca and Mg absorb as metal sulfate complexes. 

Brady et al. (1996) proposed that one path for dolomite growth from low temperature 
natural waters was through the initial adsorption of Mg-sulphate complexes ont0 either 
growing dolomite crystals or rate-liiiting dolomite nucleii. They presented two 
interfacial pathways for dolomite growth, one for sulphate-poor solutions (< 0.005 M), 
the other for sulphate-rich solutions (> 0.005 M). Inhibition of dolomite growth by trace 
amounts of sulphate in sulphate-poor solutions but acceleration by sulphate in sulphate- 
rich solutions were consistent with experimental and geologic observations (Siegel, 
1961; Baker and Kastner, 1981; Morrow and Ricketts, 1988). Massive dolostone 
sequences would be formed from evaporatively modified seawater due, in part, to the 
high sulphate levels that would favor dolomite growth. 

2.1.3. Kinetics of experimental dolomitization of CaCO, at high 
temperature 

Sibley et al. (1994) indicated that at high temperature (100-30O0C), the rate of 
dolomitization of CaC03 increased with temperature, reactant surface area, reactant 
solubility, ionic strength, HCOg concentration and Mgz+/CaZ+ of the solution. The high 
activation energies found by Katz and Mattews (1977) for Very High-Mg Calcite 
(VHMC) and dolomite (48 and 49-50 kcal mol-', respectively), compared to the 
approximately 10 kcal mol-1 activation energy for calcite precipitation, explain the 
relatively high temperature dependence of the rate of dolomitization. Sibley et al. 
(1994) also noticed that the mineralogy of the initial reactant affected dolomitization 
rates. For example, aragonite was dolomitized faster than low-Mg calcite. From their 
experiments at high temperature (150-30O0C), they divided the dolomitization reaction 
in three steps: 
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- nucleation: nucleation of VHMC (35-40 mole % MgC03) or nonstoichiometric 
dolomite is followed by nucleation of more stoichiometric dolomite on CaC03. The 
composition of the VHMC or nonstoichiometric dolomite is a function of Mg2+/Ca2+ 
of the solution. Other variables sucb as dissolved Fe can affect the composition of the 
nuclei; 

-long induction period: this longer period corresponds to post-nucleation growth of 
VHMC, of nonstoichiometric and of stoichiometric dolomite nuclei. Changes in the 
solution and substrate surface area affect the duration of this period. The rate of 
growth is slow during most of this period but there is a marked and rapid increase in 
crystal growth rate towards the end, which is probably due to a change in crystal 
growth mechanism; 

- replacement period: a) CaC03 is replaced by VHMC or nonstoichiometric dolomite. 
VHMC nucleates faster than stoichiometric dolomite and therefore begins to replace 
the reactant fmt. b) CaCO, and VHMC and/or nonstoichiometric dolomite are rapidly 
replaced by stoichiometric dolomite. This phase of the reaction is sensitive to solution 
variables such as Mg2+/Ca2+ and ionic strength. 

Sibley et al. (1994) suggested that the three-phase model was consistent with eight 
characteristics of natural dolomites. They concluded that laboratory experiments 
provided an accurate qualitative model for dolomitization at low temperature in natural 
settings because of the similarity of kinetics effects, in the composition of reaction 
products and in textures. The most significant characteristic of the dolomite reaction 
model was the long induction period, which offered a phenomenological explanation 
for the lack of dolomite at low temperature in many solutions that were supersaturated 
with respect to dolomite. In these solutions, dolomite might have nucleated but the 
reaction might still be in the induction period and therefore no products were detected. 
Therefore, the formation of massive dolomite was favored by long residence times in 
dolomitizing solutions. Sibley et al. (1994) argued that it was the combination of 
several variables, not a single variable, that determined the reaction kinetics. The 
kinetically most favorable natural low-temperature setting for dolomitization was the 
tidal flat, where elevated temperature, Mg2+/Ca2+ and ionic strength might occur. 
However, this could be contravened by rapid sea-level fluctuations, which made the 
residence time in dolomitizing solutions less than the induction period. 

2.2. KINETICS OF MAGNESITE AND WlTHERlTE 

There are very few data existing on the dissolution rate of magnesite at room 
temperature and over a wide range in pH because of its extremely low dissolution rate. 
The kinetics of magnesite dissolution far from equilibrium from 25 to 8S°C and pH's 
from 1 to 10 at atmospheric pC02 was investigated by Faux et al. (1986), using the 
single crystal weight loss method. Very few details on the experimental results and 
interpretation are given. For example, rate law equations were described but the values 
of the corresponding rate constants ki, kz, k3 and k4 were not reported. However, it can 
be pointed out that below 55OC, the dissolution rate was dependent on pH at values 
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lower than 6 and independent of pH at values greater than 6. At 55°C and above, the 
dissolution rate was pH dependent at pH values less than 2.0 and between 4.5 and 6.0. It 
was pH independent at values ranging from 2.0 to 4.5 and above 6.0. The large 
calculated activation energies of reactions (Ea = 15.8-21.2 kcal mol-') and the partial 
order of the dissolution rate (n often between 0.25 and 0.5) were generally indicative of 
surface controlled reactions. 

Chou et al. (1989) indicated that dissolution of magnesite and witherite at 25OC 
followed similar mechanisms than that of calcite and aragonite. Consequently, they 
used the rate equation they proposed the latter minerais. The rate of dissolution of 
whiterite was comparable to that of calcite and aragonite. In contrast, the rate of 
magnesite dissolution was approximately four orders of magnitude lower than that of 
calcite. In addition the influence of pCOz appeared to be more pronounced for 
magnesite than for the other carbonates studied. Because of the low dissolution rate of 
magnesite, the system remained constantly far from equilibrium and no backward 
reaction was observed. The backward rate constant was therefore calculated according 
to the relation obtained at equilibrium conditions: 

b 1 k-3 = (solubility product of magnesite) 

For witherite, the k3/k-3 ratio could be measured experimentally. The solubility product 
KT calculated on the basis of measured data was in good agreement with the 
thermodynamic value, suggesting that the dissolution mechanism was coherent. 

The main experiments and results are summarized in table 5. 
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3. Chemical inhibition of 
calcium carbonate growth 

3.1. SOME BASIC ASPECTS OF INHIBITION PROCESSES 

The presence of various constituents and their interaction with the surface of carbonate 
grains have been used to account for the lack of reactivity of calcite in seawater (Mucci, 
1986). This has most often been associated with the existence of the disequilibrium 
state of the CaC03 system in near-surface seawater and the persistence of aragonite and 
high magnesium calcites which are unstable with respect to calcite. Experimental 
studies have shown that many dissolved components in natural waters inhibit calcite 
precipitation rates (Bemer, 1975; Morse, 1983; Mucci and Morse, 1983; Busenberg and 
Plummer, 1985; Mucci, 1986, 1988; Walter, 1986; Burton and Walter, 1990). It is 
beyond the scope of this section to review al1 the papers dealing with these effects. 
Many of them are largely phenomenalistic or relate to a very specific system. The 
primary goal is to summarize the main quantitative results relative to the most 
important inhibitors. 

Seawater and seawater-like solutions have been used in much experimental work, and 
Mg2+, S04=- and P043- were shown to be the main inhibitors of calcite growth. 
However, in burial diagenetic waters, where Mg2+ and S042- concentrations are often 
lower, other ions such as Mn2+ and Fe2+ or organic compounds at relatively high 
concentrations can be major inhibitors. Experimental studies indicate that incorporation 
of many of these cations in calcite is strongly dependent on growth kinetics. 
Furthemore, there is a feedback relationship between these two processes, and the 
presence of the incorporated ion in solution affects the rate of calcite growth. 
Additionally, incorporation of an apparent inhibitor species can result in formation of a 
solid solution that is more soluble than pure calcite. For such solid solutions, the fluid 
will be at a lower degree of supersaturation leading to lower precipitation rates (Eiemer, 
1975; Busenberg and Plummer, 1985). This effect may be very important for cations 
that can form extensive solid solutions with calcite, such as Mg2+ and M d + .  However, 
only the precipitation kinetics of Mg-calcites has been investigated in any detail 
(Bemer, 1975; Mucci and Morse, 1983; Burton, 1988). 

Before proceeding to specific systems, it is worth pointing out that there are two 
primary ways in which inhibitor species can influence reaction rates. The first is in the 
solution where they can form complexes with the reaction ions. This can alter both 
activity coefficients, and hence the saturation state of the solution, and the rate at which 
transformation reactions occur. The second is that inhibitor species can adsorb on the 
surface of the reacting solid and be preferentially incorporated at higher energy sites, 
which are also favored for crystal growth. The adsorption processes have a significant 
role in both the precipitation inhibition and the incorporation of species. However, other 
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processes also may influence inhibition or incorporation. For example, difTerences in 
solubility with pure calcite may in part explain lower precipitation rates if solid 
solutions are precipitated. 

In order to quantify the degree of inhibition, many investigators have used the relation: 
(vo-v)/vo where v is the measured precipitation rate in solutions containing the inhibitor 
ion, and vo is the rate in the absence of the inhibitor. The effect of varying the 
concentration of inhibitor ions, at a given calcium concentration, degree of saturation 
and temperature, may be described using the relation (from Meyer, 1984): 

where C~ is the concentration (or activity) of inhibitor ion in solution and a is a 
constanl: which is different for each ion. This expression is derived from a Langmuir- 
type adsorption isotherm (Adamson, 1967). The degree of inhibition is assumed to be 
proportional to the fraction of adsorption sites on the calcite crystals ocnipied by the 
inhibitor ions, which is a function of inhibitor concentration. Such a relation has been 
used successfully to mode1 calcite growth inhibition by various ions (Reddy and 
Nanchollas, 1973; Reddy, 1977; Reddy and Wang, 1980; Meyer, 1984; Dromgoole and 
Walter, 1990b). A similar relation which links the rate constant to the inbibitor 
concentration was also used by Mucci and Morse (1983). 

3.2. INFLUENCE OF SPEClFlC INHIBITORS 

3.2.1. Magnesium 

Magnesium has received by far the most attention because of its common occurrence in 
natural waters and large influence on calcite. No area of carbonate reaction kinetics has 
been more controversial than the precipitation of calcite from solutions containing 
magnesium (Morse, 1983). This is due to the complexity of the process because MgC03 
may coprecipitate with the calcite causing major alterations in its properties. 

Weyl (1965) made the fust serious attempt to evaluate the influence of magnesium on 
calcium carbonate reaction kinetics. The results were generally qualitative in nature, but 
clearly pointed to the general inhibitory nature of magnesium. His work indicated that 
Mg2+ was the most important cationic coprecipitate in calcite formed in the marine 
environment. The inhibition effect of magnesium on calcite growth was explained as 
being due to the adsorption of Mg onto calcite nuclei surfaces pischoff, 1968; 
Pytkowicz, 1973; Katz, 1973; Lippmann, 1973). This Mg layer prevented growth by 
either raising the surface free energy or by causing the formation of Mg-calcite, a 
carbonate of substantially higher solubility. It was also well established that the 
presence of dissolved magnesium favored the precipitation of CaC03 as aragonite 
rather than calcite in supersaturated seawater and other magnesium-rich aqueous 
solutions &tano, 1962; Lippmann, 1973). 
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Berner (1975) made the first detailed study of the inhib'ition of seeded calcite and 
aragonite precipitation by Mg2+ in seawater, Mg-depleted seawater and Mg-free 
seawater at 25OC and at different pC02 (10-3.5, 10-2.54, 10-2.01 and 10-l.51 atm). 
Dissolved magnesium at seawater level appeared to have no effects on the rate of 
crystal growth of aragonite (no adsorption of Mg on the surface of this mineral), but a 
strong retardiig effect on that of calcite. At a same degree of solution saturation with 
respect to calcite, rates obtained from normal seawater could decrease by a factor 
greater than 20 relative to Mg-free seawater solutions. However, at low concentrations 
of Mg (less than 5% that of normal seawater), no retardation of growth rate occurred. 
Extended crystal growth on pure calcite seeds in seawater of normal Mg content 
resulted in the crystalliiation of magnesium calcite overgrowths, containing 7 to 10 
mole % MgC03. This suggested that the rate inhibition by Mg was due to its 
incorporation within the calcite crystal structure during growth, which caused the 
resulting magnesian calcite to be significantly more soluble than pure calcite but more 
stable than aragonite. Direct reversible equilibrium measurements of the solubility of 
calcite in seawater solutions at different Mg concentrations (Mucci and Morse, 1983) 
indicated that at seawater Mg2+ to Ca2+ ratios, the change in solubilty was less than 
10%. 

More recent studies have generally favored an interpretation of the inhibiting influence 
of Mg2+ which results from difficulties in rapidly dehydrating it after adsorption and 
before incorporation (Lahann, 1978; Mucci and Morse, 1983), or crystal poisoning by 
adsorption of Mg2+ at reactive sites (Reddy and Wang, 1980; Reddy, 1983). It was 
considered that the process of inhibition was likely to be a consequence of the smaller 
size, higher charge density and resultant stronger hydration of Mg2+ in comparison to 
Ca2+ ions. The growth inhibition could then be attributed to the impingement of 
hydrated Mg2+ ions (Mg(H20)62+) on the crystal lattice of the seed material on active 
growth sites, such as K i .  

Reddy and Wang (1980) and Reddy (1983) observed in dilute solutions ([Cal, = 2.5 
10 4 M, pH = 8.9), at 25°C and arnbient pC02, a decrease in the seeded precipitation 

rate constant by a factor more than 20 when magnesium ion concentrations varied from 
O to 13 104M (see figure 5 in Reddy, 1983). These workers showed that such decrease 
was consistent with the hypothesis of inhibition by adsorbed Mg2+ at calcite growth 
sites on the crystal surface if a Langmuir type adsorption isotherm was assumed. A 
curious finding of their research was that no coprecipitation of MgC03 occurred at 
Mg2+ concentrations of less than 2 104 M. No attempt was made to characterize the - 
formation of Mg-calcites at higher Mg2+ concentrations, although significant changes in 
solution Mg2+ content were interpreted as indicating the formation of Mg-calcites. 

Mucci and Morse (1983) found no influence of growth rate on the magnesium content 
of calcite in exprirnents performed in seawater at 25°C and at supersaturation levels (Q) 
of 3 to 17. They showed that the amount of Mg2+ incorporated in the overgrowths was 
not directly proportional to Mg2+/CaZ+ in solution over the entire range (1-20) of ratios 
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studied. Below a ratio of 7.5, the composition of the calcite overgrowths was not only 
influenced by the Mg2+/Ca2+ concentration ratio in the solution but also by the presence 
of an adsorbed Mg layer. In solutions where Mg2+/Ca2+ ratios were low (< l), Mg2+ 
incorporation was small (< 3 mol%) and Mg2+ had little effect on calcite growth 
kinetic. Using the empirical law: vnet = k (fi - 1)n, they found that the computed 
reaction orders n for the precipitation of Mg-calcite in each one of the seawater 
solutions used in their experiments were similar, ranging from 3.07 to 3.70. Also the 
growth rate constant k decreased by a factor about 500 as the [Mg2+] to [Ca2+] 
concentration ratio increased from 1 to 10.3 (with [Ca2+] always equal to 10.28 10-3 
mol kg1 solution). Their experimental results yielded the following relation could be 
obtained: 

1 log k (mol cm-2 s-l) = -12.567 - 0.27275 ( lM~~+l l lCa~+l~  1 

with a correlation coefficient r = -0.99. This relation shows the strong influence of 
Mg2+ on the growth rate constant k. For instance, k is 20 times greater in Mg-free 
seawater than in normal seawater. 

3.2.2. Sulphate 

Many studies on calcium carbonate reaction kinetics were done in seawater because of 
the many significant geochemical problems in this natural system. The only major 
seawater component in addition to Mg2+ which was identified as a dissolution and 
precipitation inhibitor was S042- (Morse, 1983). This species may be incorporated in 
signüïcant amounts in solid-solution in calcites precipitated from seawater or synthetic 
seawater and form solid solutions. Biogenic high Mg-calcites average about 1 mole % 
S042-. Aragonites and biogenic low Mg-calcites generally contain smailer amounts of 
S042-. Kitano et al. (1975) indicated that S042- was more easily incorporated into 
calcite than into aragonite and that with increasing concentrations of NaCl in solution, 
the S042- content of calcites decreased significantly. 

In the presence of dissolved S042-, Busenberg and Plummer (1985) showed that the 
substitution of S042- in place of the smaller C032- ions increased the unit ce11 
dimensions of calcite and ~ i g ~ c a n t l y  reduced the rate of crystal growth at 25OC in 
0.50 molal NaCl and 0.01 molal CaC12 solutions (table 6).  For experiments at SZ = 2.5 
and 10, where several rate values were obtained, the decrease in crystal growth rate was 
proportional to the log of the concentration of S042- in solution. Using the empirical 
rate law vnet = k(Q-l)", we calculated the reaction order n and the rate constant k for the 
precipitation of calcite in each one of the solutions with different S04 concentrations 
(table 7). The values of n were similar and close to 1 whereas the arowth constant was 
decreased by a factor of about 10, as the total dissolved sulphate concentration [S042-It 
increased from 0.003 to 0.05 m. From these calculations. a similar relation to that 
obtained by Mucci and Morse (1983) could be found: 
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1 log k (mg mn-l g-l seed) = 0.9475 - 0.22785 ([SO42lt/[Caz+jt) 1 
with a correlation coeff~cient r = -0.98. Moreover, Busenberg and Plurnmer (1985) 
showed that the amount of S042- in solid-solution in calcites at 25°C varied as a 
function of the rate of crystal growth. 

The S042- distribution coefficient D in calcite was kietically controlled and 
proportional to the rate of crystal growth of calcite v following the equation: 

where a and b are constants equal to 6.16 10-6 and 3.941 respectively, and v is 
given in mg min-' g1 of seed. These workers pointed out also that S042- in solid 
solutions significantly affected the solubility of calcite. The solid-solution showed a 
solubility minimum at about 0.5 mole % S042-. The solubility then rapidly increased 
and was the same as that of aragonite at 3 mole % S042-. 

3.2.3. Phosphate 

This trace component has been found to be an extremely strong inhibitor of carbonate 
reaction kinetics, even at micromolar concentrations (Morse, 1983). Brooks et al. 
(1950) showed that the growth of calcium carbonate sphemiitic seed crystals from 
highly supersaturated solutions in the presence of sodium phosphate (consisting of a 
mixture of polymetaphosphate and polyphosphate) at a concentration of 25 ppm was 
completely inhibited. Measurement of the phosphate concentration revealed that a large 
percentage of the additive originally in solution had adsorbed onto the seed crystals. 
Miura et al. (1963) examined the effect of several phosphate anions on the rate of 
spontaneous precipitation of calcium carbonate from supersaturated solutions and found 
that a phosphate concentration equal to only 111000 that of calcium in solution 
prevented the spontaneous precipitation of calcium carbonate. They concluded that 
surface adsorption was the major factor in the mechanism of phosphate inhibition of 
calcium carbonate crystal growth. 

Griffin and Jurinak (1973) found that the processes of adsorption and heterogeneous 
nucleation were inseparable when describing phosphate interaction with calcite in HzO- 
CO2 system. They showed that adsorption isotherms of phosphate on calcite (at 0, 22 
and 31 OC and at pH 8.4) could be described by a two-region Langmuir isotherm 
equation. The break in the slope of the Langmuir plot, at a P concentration value around 
0.6 ppm, was found to correspond closely to the division between hydroxylapatite and 
octocalcium phosphate stability. At high Ca@ ratios, the formation of hydroxylapatite 
nuclei was encouraged while at lower ratios, octocalcium phosphate was nucleated. 
Comparison of monolayer capacities with the total surface area of the calcite indicated 
that only approximately 5% of the total surface was covered with phosphate ions. In 
brief, the process could be vimalized by an initial adsorption of phosphate on a limited 
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number of specific surface sites. As adsorption proceeded, site coverage increased to the 
extent that lateral interaction occurred between the adsorbed ions. Lateral interaction 
produced doublets, triplets, and eventually surface clusters of phosphate ions. These 
clusters served as centers (heteronuclei) from which spontaneous calcium phosphate 
crystal growth could occur. 

Reddy and Nanchollas (1973) found that the addition of several phosphonic acid 
derivatives to a supersaturated calcium carbonate solution at 25'C greatly reduced the 
rate of growth of calcite seed crystals at 25OC. The rate constant of the parabolic law 
used by the authors was decreased by a factor close to 200 (values from to 10-10.12 to 
10-12.42 mol a1 cm") when phosphonate concentrations varied from O to 5.8 M in 
NaHC03 solutions with a total calcium concentration value of about M and 
pHinitial > 9. It was seen that a Langmuir isotherm satisfactorily described the marked 
inhibiting effect of the phosphonates in terms of a monomolecular blocking layer of 
foreign ions at the growth sites on the crystal surface. Reddy (1977) studied the 
influence of phosphate and glycerophosphate on calcite seeded growth at 25OC. 
Crystallization rate constants were reduced to haif of their value in pure solutions by a 
glycerophosphate concentration of 1.6 M or an orthophosphate concentration of 2 

M. The relation between the additive ion concentration and rate was consistent 
with Langmuir adsorption of phosphate and a site block'ing nuclei. 

Berner et al. (1978) demonstrated that dissolved orthophosphate inhibited the seeded 
precipitation of aragonite from artificial seawater at 25°C. The VIVO rate ratio was 
reduced from 0.6 to 0.04 when phosphate concentrations varied from 1.7 to 6.7 M. 
DeKanel and Morse (1978) made an extensive study of the interaction of phosphate 
with calcite, aragonite and biogenic Mg-calcite surfaces. The results indicated that at 
low phosphate concentrations, the rate of phosphate uptake on the mineral surfaces 
could be described by the Elovich equation. This model was based on the uptake of 
phosphate at sites of increasing activation energy for chemisorption as the extent of 
surface coverage increased. These workers also proposed that either the HF'042- or 
P043- ion was the reacting species. 

House and Donaldson (1985) reported the adsorption of inorganic phosphate 
(concentrations < 20 10-6 M) from dilute aqueous solutions in equilibrium with two 
crystailine samples of calcite over a range of temperatures from 5 to 35OC and pH of 7 
to 9.5. A simple two-component model of adsorption involving P043- or Capo4- and 
HP042- or CaHP040 described the isotherms and their pH dependence. This model was 
applied to the coprecipitation of phosphate with calcite at various precipitation rates and 
in a temperature range of 5 to 25% The results indicated that only a fraction of the 
total adsorbed phosphoms was incorporated into the growing crystals and that the 
adsorption of this fraction was rapid enough that the amount of phosphoms 
coprecipitated was independent of the adsorption rate. It was postulated that active 
surface sites (k'ik sites) were able to allow the incorporation of phosphoms into the 
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solid lattice. There was no evidence for a wntrol of the solution composition by the 
formation of a distinct calcium phosphate phase. 

Mucci (1986) determined the quantitative influence of orthophosphate ions on the 
growth kinetics and composition of magnesian calcite overgrowths, precipitated from 
artifhial seawater (S = 35%0). Experimental conditions were: T=25"C, pC02 = 0.032% 
and 0.3 1%, pH = 7.5-8.6, Cl ranging from 1.8 to 141, and concentrations of Na2HP04 
ranging from O to 500 M. Mucci (1986) did not examine the amount of phosphate 
incorporated in the magnesian calcites but found that the amount of phosphate removed 
from the solution was approximately proportional to the amount of carbonate 
precipitated. No distinct phosphate mineral phase could be detected in the X-ray 
diffraction spectra. 

The observed influence of pC02 on the precipitation-inhibition effectiveness of 
orthophosphate ions led to the fmding that the P043- ion concentration, rather than the 
reactive concentration, was the governing factor in determining the rate of magnesian 
calcite precipitation at a given Cl. The precipitation rate data were fitted to an empirical 
law similar to that used by Mucci and Morse (1983). It was found that the calculated 
reaction orders n for the precipitation of calcite in each one of the seawater solutions 
were close to 3.40 (instead of 2.8 in phosphate-free seawater) and that the growth rate 
constant kwas decreased by a factor around 200, when [P043-] concentrations increased 
from 1.8 to 47.9 10-6 M. A regression analysis of the data indicated that the 
precipitation-inhibition effectiveness of orthophosphate was a function of the P043- 
concentration and increased as !2 approached unity. A linear log-log relationship 
between the rate constant and the P043- concentration suggested a strong interaction 
between the POB- and the energetically heterogeneous surface of the growing 
magnesian calcite (holes, kinks and steps). Al1 the precipitation rate data measured in 
the presence of orthophosphate ions were fitted to an appropriate mathematical 
expression, expressed as follows: 

) log v = -23.32 - 1.45 log ([P043-]) + 3.17 log (C2 - 1) 1 
where v was expressed in mole cm-2 s-' and [P043-] is in mole 1-1. This expression was 
valid in seawater (S = 35%0) for at least the following set of conditions: M < 

< 1O4M, 0.032% < pC02 < 0.31% and 1.8 < Cl < onset of spontaneous 
nucleation. 

These results were consistent with those of DeKanel and Morse (1978), who showed 
that theu data could only be fitted by the Elovichian chemisorption theory but not with 
those of Reddy (1977), who observed that a Langmuir isotherm satisfactorily described 
the inhibitory effect of phosphate ions on calcite growth from a CaCI2-NaHC03- 
Na2C03 low ionic strength solution. This discrepancy could reflect the different 
adsorption behavior of phosphate ions on the surface of calcite in seawater and in low 
ionic strength magnesium-free solutions. 
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Using a Scanning Force Microscopy technique, Dove and Hochella (1993) described 
two inhibition mechanisms on calcite precipitation by orthophosphate ions at 25OC, 
0.96 atm pC02 and pH 6.0. Phosphate (0.6 and 1 M PO4) introduced during the 
nucleation stage (initial stage) resulted in the formation of nuclei with amorphous 
shapes. Phosphate introduced during layer growth (later stage) disrupted the relatively 
straight steps produced during PO4-free growth to form jagged steps. Both of the 
phosphate-calcite surface interactions were consistent with mechanisms proposed in 
previous studies: 

-surface nucleation of amorphous calcium phosphate phases or specific sorption of 
phosphate which blocks growth of the calcium carbonate nuclei; 

- sorption of phosphate ions at surface heterogeneities such as F i s ,  steps or holes. 
Although rates of calcite precipitation by SFM were not measured, it was again 
observed that kink-type inhibitors were most effective at conditions near equilibrium 
calcite growth. ' 

3.2.4. Manganese and iron 

The influence of heavy metals on calcium carbonate reaction rates has not been 
extensively shidied (Morse, 1983). However, substitution of Mn2+ and F&+ for Ca2+ in 
diagenetic calcite cements plays an important role in the chemical environment of 
cementation. Relatively high concentrations of these cations in some diagenetic fluids is 
reflected in IV@+ and Fe2+ substitution that can exceed several mol %. Experimental 
studies (Dromgoole and Walter, 1990a) have indicated that incorporation of these 
cations was strongly dependent on calcite growth kinetics and that the presence of these 
ions affected the rate of calcite growth. 

Experimental data of Meyer (1984) and Mucci (1988) indicated that Mn2+ infiuenced 
calcite growth rates, but both inhibition and catalysis were observed. Meyer (1984) 
investigated the effect of Mn2+ over a limited concentration range on seeded calcite 
growth rates in low ionic strength CaC12-NaHC03 solutions (- 0.001 M CaC12). Mn2+ 
inhibited calcite growth, and the degree of inhibition increased with increasing Mn2+ 
concentration. A factor of 5-10 decrease in calcite precipitation rate occurred at M 
(- 0.5 ppm), the highest solution Mn2+ concentration investigated. These experiments 
suggested that W+, and also other metals such as F&+, significantly reduced calcite 
precipitation rates even at < 1 ppm levels. This level is well below the concentration of 
Mg2+, S042- or P043- required to produce an equivalent degree of inhibition. 

Mucci (1988) examined the effects of varying Mn2+ concentration and the degree of 
calcite supersaturation on seeded calcite growth rate in artificial seawater and obtained 
results significantly different from those of Meyer (1984). Although the used Mn2+ 
concentrations (1-28 ppm) were much higher, growth rates for Ca-Mg-Mn-calcite solid 
solutions increased rather than decreased. Moreover, for a given degree of solution 
supersahiration with respect to calcite, growth rates increased with increasing Mn2+ 
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concentration. Mucci (1988) also observed proportionally larger increases in growth 
rate for a given Mn2+ concentration at lower saturation states while decreasing the 
degree of solution supersaturation usually results in lower precipitation rates and more 
pronomced effects of calcite growth inhibitors. 

Direct comparison of results from these investigations is complicated by differences in 
experimental conditions and solution compositions. Although the cumulative effect of 
multiple inhibitors on calcite growth are generally additive (Mucci, 1986; Burton, 
1988), adsorption of Mn2+ ont0 calcite was reduced, probably as a result of site 
competition between Mg2+ and Mn2+ in seawater and solutions with similar Mg2+/Ca2+ 
ratios (- 5), lackiig other components such as S042-, P043- (Franklin and Morse, 
1983). In order to explain the results from the experiments of Mucci (1988), Dromgoole 
and Walter (1990b) suggested an interaction between Mn2+ and Mg2+ which, because of 
the high Mg2+/Ca2+ ratio, is a stronger inhibitor of calcite growth in seawater. Perhaps 
the competition by Mn2+ for adsorption on the active crystal growth sites displaced 
Mg2+, reducing the othenvise stronger effect that Mg2+ could have on calcite growth. 
These workers concluded that the strongest inhibition effects of calcite growth by Mn2+ 
occurred in solutions where Mg2+/Ca2+ ratios were low (< 1) and Mg2+ had little effect 
on calcite precipitation rate. They pointed out that fluids with low Mg2+/Ca2+ ratios 
were often encountered in sedimentq basin formation waters. 

Dromgoole and Walter (1990b) reported similar degrees of calcite precipitation 
inhibition in CaC12 solutions as those obtained in the experiments of Meyer (1984) but 
using much higher M$+ concentrations in solution. The strong dependence of 
inhibition on Mn2+/Ca2+ ratio rather than absolute metal concentration accounted for 
most of the discrepancy. These workers noticed that variations in temperature (10, 25 
and 50°C), pC02 (0.097, 0.099, 0.88, 0.97 atm) or Mn2' and Ca2+ concentrations, at a 
fixed Mn2+/Ca2+ ratio (0.01), had little effect on the degree of inhibition observed in 
comparison to the influence of the Mn2+/Ca2+ ratio and the calcite saturation state. 
Using an empirical law similar to that of Mucci and Morse (1983), they found that the 
calculated reaction orders n for the precipitation of calcite varied from 1.34 to 2.05 
instead of 1.1-1.3 in manganese-free solutions. When the m2+]I[Ca2+] was increased 
from 0.001 to 0.05, the growth rate constant k at 25OC was decreased by a factor of 
about 30. Results obtained by Dromgoole and Walter (1990b) are reported in table 8. 

In this study, rhodochrosite was not detected by X-ray diffraction. Only CaC03-MnC03 
solid solutions were found. The degree of inhibition was related to the mol % MnC03 
in the calcite overgrowth suggesting that the inhibitory effects of M d +  on calcite 
growth kinetics depended on Mn2+ adsorption and uptake in the calcite crystal lattice. It 
was also deduced that calcites containing more than 2 mol % MnC03 likely 
experienced significant inhibition during precipitation. At a calcite saturation state of 3, 
Dromgoole and Walter (1990b) found a linear relationship between log ((vo-v)/vo) vs. 
log ([Mn2+]/[Ca2+]), derived from a Langmuir-type adsorption isotherm. As for 
phosphate ions, inhibition by Mn2+ appeared greater at lower calcite saturation state. A 
qualitative explanation for this behavior, considering kinetic vs. equilibrium contcols on 
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the adsorption of inhibitor ions at active growth sites, was that slower precipitation rates 
allowed the inhibitor ion to occupy a greater proportion of the energetically favorable 
growth sites. The adsorption processes seemed to be predominant but other processes 
also might influence inhibition or incorporation of M . + .  Differences in solubility could 
in part explain the lower precipitation rates if Mn-calcite solid solutions were more 
soluble than calcite. Probably of minor importance when the extent of solid solution 
was less than 1 mol %, this effect might be significant for more Mn-rich solids 
precipitated from higher [Mn2+]/[Ca2+] solutions but could not be accurately evaluated 
because the solubility of Mn-calcites was unknown. 

3.2.5. Organic acids 

Considerable work has been done on the influence of organic acids on carbonate 
precipitation, and important effects have been observed (Morse, 1983). The analysis of 
a large number of formation waters from oil reservoirs has shown that carboxylic acids 
are the major dissolved organic acids in the water, with acetic acid dominant (Barth, 
1991). For this reason only studies concemed with the effect of acetic acids were 
considered in this review. 

Kitano and Hood (1965) were among the fust to investigate the influence of organic 
material on the polymorphic crystallization of calcium carbonate. They used an 
homogeneous precipitation procedure. The general trend observed was that the organic 
matter influence was roughly proportional to the association constant of the organic 
compound with Ca2+. Three classes of organic inhibitors were determined: stronn - - 
(citrate, malate, pyruvate, glycylglycerine, glycogen), moderate (arginiie, glutamate, 
glycine, glycoprotein, succinate, taurine and chondroitin sulphate), and weak (galactose, 
dextrose, alanine and acetate). 

The most complete study of inhibition of calcium carbonate precipitation by organic 
matter was the carried out by Berner et al. (1978) in artSicial seawater at 25OC and 1 
atm. Their primary concern was lack of carbonate precipitation from supersaturated 
seawater. Among the organic acids studied, they found no aliphatic polycarboxylic acid 
as strong inhibitors. 
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Conclusions 

Determination of kiietic data for carbonate minera1 growth is a very laborious work 
because of the many factors involved, including temperature, pC02, pH, solution ionic 
composition, saturation state, reacting surface are% presence of inhibiting substances 
and solution hydrodynamics. At temperatures < 150-200°C and pH > 4-5, surface- 
controlled precipitation seems to be predominant in experimental studies. However, in 
natural systems, mass transport by molecular d i i s ion  from the solid into the bulk 
solution and vice versa can have some influence on precipitation rate. 

Calcite is by far the most studied carbonate mineral from a kinetic standpoint. Very 
little kinetic data are available for the other carbonate minerals. This is not a major 
limitation to the QC-SCALE project because carbonate scales in oil field wells are 
mostly calcite. In both laboratory and field studies, it was shown that a certain critical 
degree of super-saturation (Cl > 5-10) had to be achieved to aliow calcite nucleation at 
relatively low temperatures (< 60°C). Assuming that the spontaneous crystallization 
time for calcium carbonate formation in the oil field wells is short relative to the time 
necessary for the precipitating minera1 to grow, the kinetic data obtained from calcite 
seeded precipitation experiments, which describe crystal growth and are the most 
reliable experiments, are also the most adapted for modelliig such systems. 

Many kinetic laws have been developed to describe calcite precipitation rate in 
experimental studies but most of these laws are only applicable in very specific 
conditions of temperature, pC02, solution ionic compositions, calcite saturation state. 
Tests of the affinity-based models carried out by Shiraki and Brantley (1995) revealed 
that none of these models accurately predicted dissolution and growth over the full 
range of the degree of saturation. 

Practically, the mechanistic model presented by Plummer et al. (1978) and modified by 
several investigators (Busenberg and Plummer, 1986; Chou et al, 1989; Talman et al, 
1990) for calcite dissolution-precipitation in dilute solutions is the only model that 
applies over a wide range of solution pH values, pC02 and temperatures. However, its 
use at high temperature and pressure (100°C and 100 bar) may be limited (Shiiaki and 
Brantley, 1995). Moreover, this model does not take into account the influence of 
complex solutions (high salinity, presence of inhibitor species, etc.). Applying the 
model of Plummer et al. (1978) for calculating calcite precipitation rates in natural 
systems at fast flow, low salinity and low temperature conditions, after outgassing of 
COz in spring-fed streams, reasonable rate values are estimated in reducing the rates 
calculated by a factor about ten (Dreybrodt et al., 1992; Zaihua at al., 1995). This factor 
is introduced to correct the influence of molecular diffusion (diffusion boundary layer 
model). The precipitation rates obtained for deep-sea sediments are much lower than 
those calculated using the model of Plummer et al. (1978). This difference can be partly 
explained by the fact that calcite precipitation in deep-sea sediments occurs at near 
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equilibrium conditions. Under such conditions, the rate-controlling mechanism seems to 
be very slow, even at high temperature, and is apparently different from the 
precipitation mechanisms occurring under conditions far from equilibrium. At this point 
calcite precipitation rates obtained from deep-sea sediments remain uncertain and need 
to be confmed. The precipitation rates obtained from spring-fed streams may be more 
readily applicable to oil field conditions, which are typically far from equilibrium. 

Oil field formation waters commonly have low p K  high salinity (> 0.5 m), high pCO, 
and high temperature (100-150°C). Under such conditions there is no reliable and 
general kinetic law available in literature to estimate calcite scaling rate. In fact, very 
few studies have been carried out in these experimental conditions. Two possibilities 
are recommended for modelling: 

- use of an adapted mode1 of Plummer et al. (1978); 
-use of specific laws similar to those presented in this work. The selection will have to 

be made by choosing the rate law obtained from the closest experimental conditions to 
those required by the study, such as temperature, pCOz value, water composition 
(similar to seawater, low Mg and S 0 4  concentrations, presence of an inhibitor etc.). In 
many cases, extrapolations will have to be performed. 

We will be to able to compare the results obtained from these models. However, these 
results would be more accurate if they might be fitted to field calcite precipitation rate 
measurements. 
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Table I n  - Kinetics of calciteprecipitation (linear lmvs: v = k (Cl - 1)). 
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Table Ia - Continuation (linear laws: v = k (a - 1)" with n = 1). 
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Table Ib - Kinetics of calcite dissolution (linear laws: v = k (1 - Qo.5)). 
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Table 2a - Kinetics of calciteprecipitation (non-linear Ims: vp = k (a - 1)n). 
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Table Zb - Kinetics of calciteprecipitation (non-linear lms: vp = k (Q - 1)"). 

calcite precipitation 
synîhetic calcite seed salinities (S = 5, 15,25,35,44 %O) and far 

aged artificial seawater wiîh L2 = 1.2-8.0 
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Table 2c - Kinetics of aragoniteprecipitation (non-linear laws: vp = k (a - 1)"). 
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Table 2d - Kinetics of calciteprecipitation (non-linear laws: vp = k (a0.5 - 1)2). 
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Table 3 - Mechanistic rate equations assuming multiple e lementq  reactions. 

a) Calcite 

log ki are given in m~l.s-'.cm-~ 

b) Aragonite 

log ki are given in mol.~-'.cm-~ 

References 

Busenberg and Plummer (1986) 

Chou et al. (1989) 
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Expenmental conditions 

H,O-CO, system, t =2SoC, 
pC02 = l@,5-l atm, 

pH =2-7, stining speeds = 250 Ipm 
H20-CO, system, t =25"C, pH = 4-10, 

continuous fluidized bed reactor 

Logki 

-5.06 

-3.92 

Log kz 

-7.32 

-7.40 

L o g b  

-9.46 

-10.00 

Logk-3 

-1.78 
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Table 4a - Values of a and b constants needed to calculate the temperature 
dependence between O and 4S°C of the dissolution rate constants. 

Table 4b - Kinetics of dissolution and backward reaction of dolomite. 

log ki are given in mol.~-'.cm-~ 
* for dolomites with 0.7 or less mole % FeC03 
** for dolomites with more than 1.0 mole % FeC03 

Table 5 - Kinetics of magnesite and witherite dissolution andprecipitation. 

log ki are given in mo1.s-1,cma 

References 

Chou et al. (1989) 
magnesite 

Chou et al. (1989) 
witherite 
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Experimental conditions 

H20-CO2 system, t =25"C, 
pH = 2-8, 

continuous fluidized bed reactor 
same conditions 

Log kl 

-8.60 

-4.12 

Log k2 

-9.22 

-7.52 

Log lo 

-13.35 

-10.15 

Log k-3 

-5.35 

-1.69 
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Table 6 -Main experimental data and results from calcite kinetic experiments of 
Busenberg and Plummer (1985). 

Table 7 - Reaction orders and calcite precipitation rate constants calculated fiom 
experimental results obtained by Busenberg and Plummer (1985). 

Table 8 - Reaction orders and calcite precipitation rate constants calculatedfiom 
experimental results obtained by Dromgoole and Walter (1990b). 
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Review of thermodynamic data and of numerical 
models for calculating ionic activity coefficients at 
high salinity from 25"c to high temperatures in the 

Na-K-Ca-Mg-H-CI-So,-OH-HC0,-CO,-CO,-H,O System 

This short report is a summary of a review of the main thermodynamic data and 
numerical models for calculating ionic activity coefficients at high salinity from 25°C 
to high temperatures in the Na-K-Ca-Mg-H-Cl-S04-OH-HC03-CO3-CO2-H,O system. 
This work was undertaken as part of  the reserach conducted in the QC-SCALE project 
(CEC-JOULE programme). 

Numerical models 

Among available numencal models, only the Pitzer ion-interaction model (Hamie et aL, 1984; 
He, 1992; He and Morse, 1993) has been applied with success over a large range of 
concentrations (up to 6 m) and temperatures (up to 90°C). Other models (extended Debye- 
Hückel equation, ion association model, Debye-Hückel/Br~nsted-Guggenheim/Uniquac (DH- 
BG-UNI) model, SIT equation, ion hydration model) apply to much more restricted langes of 
concentrations or temperatures. The extended Debye-Hückel equation can be only applied up to 
an ionic strength of 1 m even if it works at temperatures up to 300°C (Wolery et al., 1990). The 
ion painng model has been used at 25OC for solutions with an ionic strength up to 1 m (Millero 
and Schreiber, 1982). The DH-BG-UNI model (Sander, 1984) becomes inaccwate above 2 m 
NaCl molality when applied to the calculation of calcite solubility in NaCl solutions at 2S°C 
(Haarberg, 1989) and must be again pararneterized for more complex electrolytes than NaCl 
(seawater, for example). Up to now, the SIT equation (Grenthe and Wanner, 1989) and ion 
hydration model (Stokes and Robinson, 1948; Wolery and Jackson, 1990) have only been 
developed at 25°C. 

The complexity of the c a r b o ~ c  acid system (presence of hydrolysis equilibna in the system, 
high vapor pressure for bicarbonate solutions, low concenidons limited by solubility 
wnstraints) makes application of Pitzer's equations difficult. This complexity and the rare 
expenmental data for determination of activity coefficients for carbonic acid species in 
solutions of high ioNc strengîh and at high temperature, largely coniïned to seawater or NaCl 
solutions (Ellis and Golding, 1963; Takenouchi and Kennedy, 1965; Malinin and Savelyeva, 
1972; Malinin and Kurovskaya, 1975; Drummond, 1981; Patterson et al., 1982, 1984; Enick 
and Klara, 1990; Estrada, 1991; Rumpf et al., 1994), explain why the Pitzer model was 
extended to temperatures from -55 to 300°C only in the Na-K-Ca-Mg-Cl-S04 system (Fabalan 
and Pitzer, 1987 a, b; Moller, 1988; Greenberg and Moller, 1989; Spencer et al., 1990). Pitzer 
and his associates (Peiper and Pitzer, 1982; Roy et al., 1984; Pitzer et al.; 1985) have 
parametenzed the Na-K-Ca-Mg-HC03-CO3-OH system at 25'C and have also extended part of 
the system (Na-K-HC03-CO3-OH) to the temperature range between O and 50°C. Harvie et al. 
(1984) have presented a chemical model for the Na-K-Ca-Mg-H-Cl-HS04-S04-OH-HC03- 
CO3-CO2 system at 25'C based on Pitzer's equations, which is available in the geochemical 
code EQ316 (Wolery, 1995). If this model has been demonstrated to produce accurate 
predictions for the solubility of many evaporite minerals, including calcium sulfate and aIkali 
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carbonate minerals, applications to the prediction of CaC03 solubiity in sait solutions have 
been less successiùl (Clegg and Whitneld, 1991). 

He (1992) and He and Morse (1993) have used their own measurements in combination with 
existing data (Pitzer and Weare group's daîabase; Hamed and Bonner, 1945; Yasunishi and 
Yoshida, 1979; Plummer and Busenberg, 1982; Thurmond and Millero, 1982; Miero and 
Thwmond, 1983; Patterson et al., 1982; 1984; Holmes et al., 1987) to denve Pitzer parameters 
for the interaction between carbonate species and other ions. At present, this is the only work 
that permits to obtain relatively accurate predictions of calcite solubiity in bnnes fiom O to 
90°C and at 1 atm (Na-K-Ca-Mg-H-Cl-S04-OH-HC03-CO3-COAO system). When 
calculated solubiiities for calcite obtained using their Pitzer model are compared with the 
experimental data of Miller (1952; 0.5 m NaCl solution from 25 to 70°C) or of Wolf et al. 
(1989; NaCl, KC1 and CaC12 solutions fiom O to 60°C), the agreement is generally good. While 
the solubiiity of calcite at infinite dilution is weli knom (Segnit et al., 1962; Plummer and 
Busenberg, 1982; Sass et al., 1983), solubility data at high ionic strength have been mainly 
detemiined for seawater below 40°C (MacIntyre, 1965; Hawley and Pytkowicz, 1969; Edmond 
and Gieskies, 1970; Ingle et a l ,  1973; Ingle, 1975; Millero, 1976, 1979; Plath et al., 1980; 
Morse et al., 1980; Mucci, 1983; Mucci and Morse, 1984). In other chemical systems or at 
higher temperatures, these data are rather scarce (Miller, 1952; Shtemina and Frolova, 1957; 
Hamie et al., 1984; Millero et al., 1984; Nagy, 1988; Wolf et al., 1989; Wolf and Rohde, 1992; 
E d a ,  1991; Estrada et al., 1992). At temperatures above 10O0C, the only work we found is 
that of Eiiis (1963) regardiig the determination of calcite solubility in NaCl solutions. He and 
Morse (1993) performed calcite solubility measurements in complex brines initiaiiy 
supersaturated with respect to calcite between O and 90°C. î l e y  obsemed an increase in the 
thermodynarnic constant for calcite solubility compared to that given by Plummer and 
Busenberg (1982). He and Morse (1993) suggested that this increase was probably caused by 
the incorporation of Na, Mg and S04 ions into the calcite lattice. in contrast, the results of 
undersahation experiments yielded good agreement betwen the two sets of data. 

The Pitzer model has been incorporated and adjusted in several geochemical codes, including 
PHRQPITZ (Plummer et al., 1988; Plummer and Parkhurst, 1990), SOLMWEQ.88 (Kharaka 
et al, 1989), and Haarberg (1989)'s code, allowing to m&e caldations for wmplex 
geochemical systems at high temperatures (and at high pressures for most of them). However, 
these codes are inappropriate for some applications. in addtion, they are not as accurate as the 
model developed by He and Morse (1993) that has the best predictive abiity in the Na-K-Ca- 
Mg-H-Cl-S04-OH-HC03-CO3-CO2-H,O system between O and 90°C and at 1 atm. 

Pressure effect 

Pressure effect in the Pitzer model (from 1 to 1000 bar) has only been taken into account by 
Monnin (1989, 1990) for the Na-Ca-Cl-S04-H20 system. Pressure effect is often considered to 
be small between 1 and 300 bar but can be relatively significant at 62OC and 200 bar. Monnin 
and Raimboz (1996) indicated that the pressure effect on the anhydnte saturation indices (SI) 
for Atlantis II bnnes was approximately 0.2 and pradically compensated the SI increase caused 
by a temperature change from 25 to 6Z°C. It is very difficult to calculate the effect of pressure 
on the ionic activity coefficients in high salinity solutions while its influence on the mineral 
solubility or on the ionic equilibnum constants can be easily evaluated using the established 
expression: 
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Ln K (T,P) = Ln K (T, 1) - AVr (T,l) @'-1) + A u  (T,l) / 2RT (P-1)2 

where K is the solubility product or the ionic eqdibnum constant, P is the applied pressure, R 
is the gas constant (82.06 cm9 atm K-l), T is the absolute temperature (OK), AVr and AKI are 
the molal volume and compressibility changes at 1 atm. The latter two parameters are given by: 

AVr = ZVi (products) - ZVi (reactants) 
AKI = Zd (products) - Z d  (reacîants) 

Vi and ici are the partial molal volume and compressibility of species or mineral i. Their values 
c m  be found in Millero (1982) or in Michard (1983). 

Therrnodynarnic data 

Most of the thermodynamic data commonly used in the Na-K-Ca-Mg-H-Cl-OH-HC03-CO3- 
CO2-H20 system are compiled in tables la, lb, l c  and Id. The values of the ionic equilibnurn 
constants and of the equilibnum constants of mineral dissolution-precipitation reaction in this 
system are given in tables 2 and 3. The selected EQ316 database comes mainly from 
SUPCRT92, an intemally consistent database and program created by Johnson, Oeikers and 
Helgeson (1992) for dealing with thermodynamic data based on the work of Helgeson and his 
CO-workers. Plummer and Busenberg (1982) have critically reviewed the literature for the COz- 
H20 system and they have presented reliable expressions for the corresponding thermodynamic 
equilibnum constants in the temperature range 0-250°C. The values pmposed by Plummer and 
Busenberg (1982) are those used by He and Morse (1993) in their Pitzer model. in the latter 
model, the association constants for CaC03" and MgC030 are taken from Plummer et al. 
(1988) for the temperature range 0-90°C, which are also denved from Plummer and Busenberg 
(1982). The values are consistent with those of HaMe et al. (1984). 

In order to illustrate the need for the use of the Pitzer model in high wncentraîion solutions, 
caldations of saturation indices for typical oil field bnnes from the Norîh Sea (table 4) with 
respect to calcite, aragonite, dolomite and magnesite have been performed at 25°C using the 
extended Debye-Hückel equation (B-dot equation) and the Pitzer model developed by Harvie ef  
al. (1984). These models are available in the geochemical code EQ3NR (Wolery, 1995). 
Results are presented in figure 1. At very high salinity, the extended Debye-Hückel equation 
clearly leads to erroneous interpretations. 

We have found no accurate application of the Pitzer model in the Na-K-Ca-Mg-H-Cl-S04-OH- 
HC03-CO3-CO2-H20 system extended to organic acids and iron species. in bnnes from North 
Sea oil fields, organic acids are commonly present and acetic acid is the dominant wmponent 
(Barth, 1989). Thermodynamic data on acetic acid, acetate anion and its cation complexes can 
be found in Shock and Helgeson (1989), Harrison and Thyne (1991), Shock and Koretsky 
(1993, 1995). Thermodynamic data on iron species and sidente are reported in several EQ3/6 
databases (dataO.com.R2, for example), Michard (1983), Nordstrom et al. (1990), B r n o  et al. 
(1992). 
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Figure 1 - Calculations of saturation inda  (SI) for oil field brines from the North 
Sea with respect to calcite, aragonite, dolomite and magnesite ut 2S°C using 
the edended Debye-Hückel equation (&dot equation) and the Pitzer mode1 
developed by Harvie et al. (1984). 
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Carbonate solid-solutions 

Carbonate solid-solutions are common minerais at the Earth's surface and have been extensively 
studied, especially binary systems (CaC03-MgC03, CaC03-FeC03, MgC03-FeC03, CaC03- 
MnC03, CaC03-SrC03). An interesting review of the main studies (experiments, 
investigations and discussions of solid-solution/aqueous-solution theory) was acwmplished by 
Woods and Garrels (1991). These authors present the low-temperature ternaq Ca-Mg-Fe phase 
relaîionç for rhombohedral carbonates as weli as phase diagrams at 25 and 150°C. They 
proposed a method for estimating the wmposition of an aqueous solution h m  the composition 
of the solid-solution carbonate assumed to be in equilibrium with it. Nevertheless, the 
identification of the variables of the fluid chemistry controliing the composition of the solid- 
solutions is complex and remains problemaîic. 

The litemture on this subject is abundant but frequently marked by controversy. For example, 
the partitioning of Mg2+ in natural inorganic calcite, that has been studied far more extensively 
than any other coprecipitation reaction involving carbonate minerais, may be very different 
(Burton and Walter, 1991; Hartley and Mucci, 1996). Laboratory-precipitated cements, grown 
fiom seawater in controlled experiments at 25OC, contain about 8 mol% MgC03 (Bemer, 1975; 
Mucci and Morse, 1983; Hartley and Mucci, 1996) whereas natural shallow marine calcite 
cements have a large compositional range from 11 to 18 mol% MgC03, averaging 12 mol% 
(Chave, 1954; Videtich, 1985; Mucci, 1987). Numerous experimenîai studies have detemnined 
partition coefficients for Mg2+ in calcite (Katz, 1973; Mucci and Morse, 1983; Mucci, 1986, 
1987; Oomori et al., 1987) but there are large discrepancies between the results of these studies. 
The variations are likely due to differences in fluid chemistry or in experimenîai methods. 

The incorporation of MgCO3 in calcite has been shown to be dependent on several variables, 
such as Mg2+/Ca2+ ratios in fluid (Bemer, 1975; Mucci and Morse, 1983; Morse and Bender, 
1990), tempe- (Katz, 1973; Burton and Walter, 1987a; Mucci, 1987), carbonate ion 
concentmfion or saturation state (MacKenzie et al., 1983; Given and Wilkinson, 1985), 
sulphate concentration (Burton and Walter, 1985, 1987b; Mucci et al., 1989), sahity (Zhong 
and Mucci, 1989), CO2 partial pressure or pH (Burton and Walter, 1991; Oomon et al., 1987), 
presence of dissolved organic matter (Morse, 1983; Hartley and Mucci, 1996), etc.. However, 
the influence of some variables, i.e., carbonate ion concentration, $O2, presence of dissolved 
organic matter, is questioned (Burton and Walter, 1991, Hartiey and Mucci, 1996). Hadey and 
Mucci (1996) pointed out that only the wmbined variations of MglCa ratio, S04 and 
temperature could have a clearly demonstrable influence on magnesium incorporation in 
naturally occuning marine abiotic calcites. They suggested that other factors or combinaton of 
factors çuch as the surface properîies of the substrate (nonequivalent crystallographic sectors of 
precipitated calcite and role of adsorbed organic matter) had to be considered. They observed 
that the amount of MgC03 incorporated in calcite precipitated from seawater was independent 
of pC02 over four orders of magnitude (10-0.5 to 10-4.6 atm). These results contmt with those 
obtained by Burton and Walter (1991) obtained under simiiar conditions. Contrary to Mg, the 
partitioning of trace elements, such as Fe and Mn, in calcite is also dependent on the 
precipitation rate (Mucci and Morse, 1983; Dromgoole and Walter, 1990a, 1990b). Clearly, 
present knowledge of element partitioning in calcite is insufficient. 
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Table l a  - Compilation of standard partial molal thermodynamic data (Gibbs free 
energy of formation AGOf, entkalpy of formation AHOf, entropy SO, heat 
capacity CpO ut constant pressure, volume P and compressibility KO) in 
the Na, K, Ca, Mg, H, CI, OH, CO2 HCO,, CO,, H20 system: Znorganic 
neutral species. 

a. kcai mol-' 
b. c d  mol-' K-1 
c. cm3  mol-1 
d. cm3 mol-' bar' 
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Table 16 - Compilation of standard pa&.aI molal tkermodynamie data in tke Na, K, 
Ca, Mg, H, CI, OH, CO2 HC03, CO,, H20 systenc Ions. 
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Kf 
Kt 
K+ 
I c  
Kt 

-3.37 
-3.20 10" 

-3.30 IO5 

2.98 

1.98 

24.15 
- 

24.15 
24.15 

Millero (1982) 
Michard (1983) 

Hawie et al. (1984) 
Shock and Helgeson (1988) 
EQ316 data0.com.RZ (1995) 

9.03 
9.10 

9.06 

-67.529 
-67.5 18 
-67.510 
-67.510 

60.250 

-60.270 
-60.270 
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Table 1c  - Compilation of standardpartial molal tkermodynamic data in the Na, K, 
Ca, Mg, H, Cl, OH, Co2, HC03, CO3, H20 system: Coinpleues. 

BRGM Report R39062 



Review of Kinetic Data on Carbonate Minerai Precipifation 

Table Id - Compilah'on of standardpartial molal tkennodynamic data in the Na, K, 
Ca, Mg, H, CI, OH, COu HCO,, CO,, H20 system: Minerais 
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Table 2 - Values commonly used for ionic equilibrium constants in the Na, K, Ca, 
Mg, H, Cl, OH, CO, Hco3, CO3, H20 system 

(1) Plummer and Busenberg (1982) (4) Nordstrom et al. (1990) 
(2) Michard (1983) (5) EQ316 dataO.corn.R2 (1995) 
(3) Hamie et al. (1984) (6) Shiraki and Brantley (1995) 
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Table 2 - continuation 

(1) Plummer and Busenberg (1982) 
(2) Michard (1983) 
(3) Harvie et al. (1984) 

(4) Nordstrom ef al. (1990) 
(5) EQ316 data0.com.RZ (1995) 
(6) Shiraki and Brantley (1995) 
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Table 3 - Values commonly used for the equilibrium constants of mineral dissolution- 
precipitation reaction in the Na, K, Ca, Mg, H, Cl, OH, COD HCO,, CO,, 
H20 system 

(1) Plummer and Busenberg (1982) 
(2) Michard (1983) 
(3) HaMe et al. (1984) 
(4) Nordstrom et al. (1990) 
(5) EQ316 dataO.corn.R2 (1995) 
(6) Shiraki and Brantley (1995) 
(*) at 100 bar 
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Table 4 - Cltemical composition of oilfield brinesfrom the North Sea (Warren and 
Smalley, 1994; Ziegler and Coleman, 1995; Sanjuan et aL, 1995). 
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Name 

field 
depth (m) 
lithology 

temperature (TOC) 
pressure (bar) 
density (g/cm3) 

PH 
Na (mgll) 
K (mgfi) 
Ca (mgll) 
Mg (mgfi) 
c l  (m$) 

HCO3 (mgIl) 
so4 (mgIl) 

Total dissolved salts 
(TDS in mgll) 

B40 

Oseberg 
2700 

sandstone 
108 
300 

1.027 
6.95 

13656 
259 
766 
123 

223 11 
842 
9 

38000 

Ml42 

Miller 
4159 

sandstone 
120 
504 

1.058 
6.70 

28800 
1820 
1060 
115 

47680 
2070 

7 
82690 

Ml46 

Miller 
3980 

sandstone 
120 
500 

1.052 
7.66 

26740 
865 
505 
115 

43140 
1040 

3 
73100 

F081 

Forties 
2180 

sandstone 
96 
172 

1.074 
7.00 

29364 
312 
2809 
504 

52361 
496 
11 

86758 

BU42 

Buchan 
2926 

sandstone 
105 
400 
1.148 
5.80 

56700 
1525 
16075 
1250 

121600 
200 
220 

198631 

GY99 

Gyda 
4225 

sandstone 
154 
- 

1.205 
5.40 

68724 
6248 
33200 
2550 

178420 
130 
0.1 

291885 
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