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ABSTRACT, The effects of different magnesium: calcium concentration and 
the degree of saturation in artificial seawater (ASW) upon the kinetics of 
carbonate solid overgrowth have been investigated, It is shown that the 
mechanism of calcite overgrowth is a surface-controlled (interface) reaction 
in the presence or absence of Mg2 + in ASW. The reaction is a second order 
in Mg-free ASW and a third order in the presence of magnesium ion in the 
tested solution. The rates of the overgrowth reaction decrease with the in­
creased Mg2 - concentration in ASW, The decrease of reaction confirm the 
involvement of magnesium ions in overgrowth by magnesian calcite. The 
reaction order, in presence of Mg2 + tend to approach a second order at high 
degree of supersaturation and large surface area of calcite. 

Introduction 

Precipitation and dissolution reactions of carbonate minerals are the processes that 
control their composition and behaviour. The unique characteristics of carbonates, 
such as retention of supersaturation, metastability of solid phases and slow transfor­
mation of one phase to another, are indications of the special importance of kinetics 
during the processes of precipitation and dissolution. So, thermodynamics and kine­
tics are equally important to fully understand the chemical behaviour of carbonate 
minerals in natural water, While geochemists have made a fairly good progress in de­
veloping and applying thermodynamic principles to carbonate system, the kinetics of 
the reactions remains poorly defined (Lasaga 1981; Morse 1983; Reddy 1983). The 
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major methods that have been applied to describe reactions rates include theoretical 
and experimental laboratory studies of calcite dissolution and precipitation (for 
example, Sjoberg 1976; Plummer et al., 1978; Reddy et aI., 1981), butthe laboratory 
rate laws are still to be tested in field situations (Plummer and Back 1980). 

Most of the investigations of reaction kinetics have been focused on calcite and 
aragonite in simple or mixed electrolyte and in seawater solutions, because they are 
the most common carbonate minerals in sediments and soils (for example, Reddy 
and Nancollas 1971; Nancollas and Reddy 1971; Plummer et al., 1979; Morse and 
Berner 1979). However, the majority of studies have been focused on the dissolution 
kinetics in the ocean, because of the interest of dissolution processes of calcite and 
aragonite during particle settling from the surface to the bottom of the water column. 
Still the precipitation is also important because there are overgrowth processes that 
occur in the water column on foreign surfaces and most commonly in sediments. 

The first major study of calcite precipitation in simple solutions was done by Nan­
coli as and Reddy (1971) and Reddy and Nancollas (1971). The precipitation rate was 
interpreted as a second order surface controlled process expressed by : 

~T 2+ Ca 
~T 

k
n 

A [(Ca2 +) (CO~-) _ ~Sp] 
(2) 

Where TCa2+ is the total concentration, T is the time, kn is the rate constant, A is the 
surface area, f~2) is the divalent iQll activity coefficient and Ksp is the solubility pro­
duct of calcium carbonate. They found that precipitation rate was independent of 
stirring rate. It was also suggested that the Plummer et al. (1978) model could be used 
for calcite precipitation (Plummer et al., 1979). The observation of the degree of sat­
uration on the rate of the reaction suggested that the standard empirical equation 
could not be used (Reddy et al., 1981; House 1981). House (1981) tested the equa­
tion of Davies and Jones (1955), Nancollas and Reddy (1971) and the spiral growth 
mechanism model, he concluded none of them was adequate. The rates of calcite 
precipitation measured in the field were compared with the rates predicted from 
laboratory derived studies (Plummer et al., 1978) and the agreement in the rates was 
within a factor of 3 (Herman and Lorah 1988). 

Inskeep and Bloom (1985) tested, almost all the rate equations for calcite precipi­
tation and concluded that, the rate equations which were described by Plummer et al. 
(1978) and Nancollas and Reddy (1971) were more successfuL They also concluded 
that, the best successful model which described calcite participation at high pH (e.g. 
pH> 8) is the Nancollas and Reddy's model (1971). 

The purpose of this work was to conduct a laboratory investigation of calcite pre­
cipitation rates at different (Mg2+) : (Ca2 +) concentration ratios in artificial seawater 
in order to test the effect of magnesium concentration on the reaction rates, and on 
the total order of the reaction. The equation of the reaction rate, developed by Nan­
collas and Reddy (1971), will be used, with slight modifieation to represent the cal­
cite overgrowth. 
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Experimental Procedure 

Experiment 

(Mg2+), (Sr2+) and (H3 B04)-free artificial seawater (ASW) was prepared follow­
ing the procedure of Kester et al. (1967). The ASW, which has ionic strength of 0.526 
M was equilibrated with laboratory pC02 for about two days by bubbling air through 
the solution. The bubbling was stopped when the measured pH was stable. The con­
centration of (Ca2+) in this solution was 9.754 mmole·kg 1

- ASW. Various amounts 
of magnesium were added from prestandardized stock solution, by Mohr titration 
(Blaedel and Meloche 1957), to prepare (Mg2+) : (Ca2 +) of 1, 2, and 5. Different 
amounts of predried reagent grade NaCl were added to these prepared solutions to 
maintain the ionic strength of 0.718 M. Each solution was kept in a closed bottle and 
its pH was measured every 24 hours, it only changed by ± 0.005 pH unit. It was 
noticed that the pHs of the solutions were decreased with increasing magnesium con­
centrations. 

A reaction cell (volume 103.76 ± 0.27 ml) was constructed from a glass beaker fit­
ted with a water jacket for the determination of the reaction rates of overgrowth on 
different surface areas of calcite in ASW of different (Mg2 +) : (Ca2 +) concentrations 
ratios and constant ionic strength of 0.718 M at 25°C. The cell inv(')lved a combina­
tion electrode (Radiometer GK2401C), a stop cock for flushing excess solutions, a 
ground syringe piston for displacement of the excess solution and a stirring bar. The 
closed system reaction cell is shown in Fig. 1. 

The seeds used in this experiment were reagent grade artificial calcite (1.T. 
Baker). The artificial calcite was washed with double deionized distilled water 
(DOW), three times, filtered and dried at 1l0-130°C for about four hours, before 
being exposed to ASW. The x-ray diffraction showed that they were pure calcite (26 

29.4°). The specific surface area of calcite seeds was estimated from its density and 
the seed mean volume, which was determined by SEM images. It was estimated that 
the specific area was 0.589 m3 

• • 

The combination electrode was calibrated with NBS buffer, I85f (pH = 4.006 at 
25°C) and 186-I-C (pH 7.415 at 25°C). The slope of the electrode was determined 
following the instruction in the PHM64 Research pH meter Operating Instruction. 
Usually, the slope was 99.00 0.21%. 

Before each experiment, the initial total alkalinity of each test solution was mea­
sured using the Gran titration method (Gran 1952; Dyrssen and Sillen 1967; 
Mehrbach et at. 1973) and by single acid addition (Anderson and Robinson 1946) de­
veloped by Culberson et al. (1970) to a pH of 4.15 ± 0.10. The standard deviation of 
the total alkalinity determination by both methods was ± 5.8 f.L equivalent· kg- 1 

ASW. Also the initial pH was measured for each tcst solution. The initial total car­
bon dioxide, TC02 (i) , was calculated from these two known parameters and the val­
ues of the first and second dissociation constant carbonic acid which were deter­
mined at different magnesium concentration as described by Rushdi (1989). 
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Combination 
Electrode 
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FlO, 1 , The closed system reaction cell, 

The reaction cell was, completely, filled with the test solution and the combination 
electrode was allowed to equilibrate until the measured pH changed by less than 
0.002 pH unit per hour at 25°C. Two different degree of saturations were obtained by 
selecting two pH values (pH 8.1 and pH = 8.6). This has been achieved by adding 
drops of 0.1 N NaOH to the test solution from a syringe of a long needle through the 
hole in the stop cock while stirring. Then the piston was pushed half-way into the sol­
ution to flush some of the excess solution. The pH was recorded every five minutes 
until obtaining a similar three successive reading, then the calcite was added. The re­
quired weight of grade calcite was placed in a 2.5 ml Hamilton syringe with a long 
needle, then stirring was stopped and through the hole of the stop cock about 1.5 ml 
of A$W of the test solution was withdrawn into the syringe to form a slurry of calcite, 
which was then injected slowly into the solution without stirring. This step was done 
carefully to avoid any bubble trapping in the cell and it was done, atleasi, three times 
to insure that all the amount of calcite was delivered into the solution and settled to 
the bottom of the reaction cell. The piston was then pushed all-the-way down to dis­
place the excess volume of ASW through the stop cock hole. The stop cock was im­
mediately closed to prevent CO2 exchange and the solution was stirred. The pH was 
recorded with time until it showed steady-state. The steady-state pH value was as­
sumed when the change in pH was again less than 0.002 pH unit per hour. 
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General Principle 

The following reactions are expected during growth or dissolution of CaC03(s) in 
simple solutions : 

Hp 
CO2(g) -~C02(1) (1) 

H20 + CO2(1) -+ .,.- H2C03 (2) 

H2C03 
~ H+ + HCO; (3) 

HCO; -~ H+ +CO~- (4) 

HzO -<- H+ + OH- (5) 

CaC03(s) -+ .,.- Ca2 
+ + CO;- (6) 

ci + HCO; - .,.- CaHCO; (7) 

Ca2+ + C02
-

3 -<- CaCO~ (8) 

Ca2 + + OH- -<- CaOH (9) 

The H- ion has an important effect on the growth or the dissolution of CaC03(s) 

and its speciation. The presence of excess H+ in solution will convert ci + + CO;- into high­
ly soluble Ca2

- and H2C03 from equation 3. Equation 4 and 6 represent growth or 
dissolution depending on the conditions of the processes. According to the above 
equilibrium and mass balance equations, the pH decreases and pC02 increases in the 
solution during the growth of calcium carbonate. One can trace the rate of growth or 
the rate of dissolution by following the change in the pH of the solution. This pH­
drift method has been used by many investigators (for example Chave et al., 1962; 
Land 1979; Plummer and Mackenzie 1974, Wollast and Reinh-Derie 1977). In a sol­
ution with (Ca2 +) and (CO;-) concentrations similar to that in natural seawater, the 
change in (Ci+) during growth or dissolution is very small and depends on the de­
gree of saturation, but the change in (H+) is about loo-times the changes of (Ca2+). 
Therefore, the pH which influences the carbonate alkalinity, is sensitive indicator to 
follow the rate of growth or the rate·of dissolution. The following equation can be 
used to study the kinetics of CaC03(s) overgrowth mechanism : 

(10) 

Later equation (10) will be modified and expressed in terms of the change of carbo­
nate alkalinity with time as a result of calcite. 

Calculation 

From the initial pH, pHO)' and initial total alkalinity T A(i)' of the solution, the in­
itial total carbon dioxide, TC02(i)' of each test solution was calculated using the fol­
lowing equation : 
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(X)2 + (X) K; + K; K~ 
TC02(i) = CA(i) [ ](' 

(X) K' + 2K' K' I) 
1 1 2 

(11) 

where (x) is (H+) and Ca(i) is the initial carbonate alkalinity (= TA(i) (OH-) + (H+), 
in the case of this study). The values of K; and K; of different magnesium: calcium 
concentration ratios were experimentally determined (Rushdi 1989). Because each 
test solution was kept in a c1o~ed bottle, the total carqon dioxide was, actually, con­
stant before the introduction of calcite. This was also confirmed by the steady state 
pH measurements of the test solution. 

The initial carbonate alkalinity, CA(i) , of each experiment at the two pH values 
was calculated from the initial pH and the initial carbon dioxide : 

(12) 

The number of moles of (CO;-), d, which was involved in CaC03(s) overgrowth at 
time t was calculated from : 

(13) 

K' 
(CA(i) + 2d) [ 2 

(x) + 
(14) 

The rate of the reaction could be expressed, in terms of the driving force between 
equilibrium and ionic products, by the following equations: 

SCA = _ 2K A [(C 2+) (cd-) _ (C 2+) (C02
-) ]" ST nat 3 t a e 3 e (15) 

where SCA/ST is the change in carbonate alkalinity with time. Since the change in 
(Ca2 +) is very small, which was found to be less than 3% of the total (Ca2 +) concent­
ration in solution, while the change in (CO;-) was more than 80% ofthe total (CO;-) 
concentration in solution, hence the following equation could be used: 

aCA 
aT 

(C02-) 
2k A [ 3 t _ 1]n 

n (CO;-)e 

In terms of logarithmic formula, equation (16) is written as : 

(16) 
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(C02-) 
log [ &CA] = log [- 2kn A] + n log [ ~! 1] (l7) 

&T (C03 )e 

By fitting log [bCAlbT] versus log {[(CO;-)! / (CO;-)e] -I}, one obtains the rate 
constant of the reaction, kn, from the intercept and the order of the reaction, n, from 
the slope. 

Results and Discussion 

The effects of (Mg2 +) ions and the amount of calcite seeds upon the change of the 
pH with time as a result of the overgrowth is shown in Fig. 2. It is obvious that both 
magnesium and surface area influence the reaction process. Generally, the plots of 
log &CA/&T versus log l (CO;-)! / (CO;-)e 1] shows two types of slopes (Fig. 3). 
Each of the slopes values is usually, referred to the total order of the reaction, n. 
Therefore, two values of n's for each reaction are reported in Table 1. The first n, n1 ' 

which is the value of the slope at the beginning of the reaction, and second n, n2 , is 
the value of the second slope. The results showed that the n1 value was larger than 4, 
and became larger with the increase of (Mg2 +) concentration in solution. The n2 
showed a value of about 2 for Mg-free solution and a value of about 3 in presence of 
Mg ions in solution. The n2 value was observed to decrease with the increase of the 
surface area of calcite seeds (Fig. 4). The effect of the availability of surface area of 
calcite seeds was also demonstrated by the fast decrease in pH as a function of the in­
crease of the amount of seed in solution as shown in Fig. 2. In Mg-free artificial sea­
water and high initial pH, e.g. high ionic products, it was noticed that n1 disappeared 
and only n2 was obtained. 

The reactions showed two types of orders of (> 1) which indicated surface-control­
led mechanisms of two types. This phenomenon was also observed by Nancollas and 
Reddy (1971). They suggested that the first one might be caused by the surface and 
the bulk nucleation. A general agreement suggests that the crystal growth proceeds 
by incorporation of neutral molecules, at kinks in a growth step on crystal surface 
(Laitinen and Harris 1975). Ions of opposite charge must combine stiochiometri­
cally, at certain stage in the process to obtain an electrical neutrality in the crystallat­
tice. Doremus (1958) suggested two ways of ion grouping on surface of the crystals: 
(a) formation of salt "molecule" which then diffuse to growth steps; (b) alternate in­
corporation of oppositely charged ions directly from adsorbed layer at a kink in 
growth step. 

Probably, the reason for the large initial values of n1 were caused by the formation 
of hydrated, non-neutral amorphous form of calcium and/or magnesium carbonate 
(or bicarbonate) as a monolayer on the surface of the crystals, then gradually, trans­
formed to a neutral molecule of unhydrated calcium and/or magnesium carbonate 
which is involved in the formation of crystal overgrowth. This was suggested from the 
disappearance of n1 at high ionic products. This disappearance of n1, at high pH was 
probably due to the presence of sufficient CO;- species that could form CaCO~ ion­
pairs on the surface of the crystal because the stability constants of CaCO~ is larger 
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FIG. 2. Change of pH as a result of calcite overgrowth, (a) 0.5 g of calcite was added per kg of ASW, (b) 
about 5,0 g of calcite was added per kg ASW. 
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FIG. 3. Log 8CN8Tversus log [(CO~-)t I (CO~-)e -1] for various Mg: Ca concentration ratios in ASW of 
pHi = 8.1 (a) about 0.5 g of calcite was added per kg ASW; (b) 1.0 g of calcite was added per kg 
ASW. 
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TABLE 1. The result.s oflog 8CAl8T versus log [(CO;·")" (CO;-)e -1] fitting of calcite overgrowth in ASW 
with various Mg-to-Ca concentration ratios at 25°C and total ionic strength of 0.718 M. 

(Mg2 +) : (Ca2 +) = 0.0:1.0 

g calcite 1 
Expt# !1(initial) - log k

n 
n R 

kg ASW 

SC62 0.500 3.92 7.70 5.59 1.00 
6.58 1.83 0.98 

SC64 0.499 3.90 8.04 6.13 0.98 
6.78 1.84 0.99 

SC66 0.496 10.58 6.58 1.70 1.00 
SC68 0.546 9.91 6.65 1.64 0.99 
SC70 0.998 4.06 7.70 4.60 1.00 

7.14 2.17 0.98 
scn 0.998 4.01 7.33 3.91 0.97 

6.53 2.19 0.99 
SC74 1.388 10.86 6.87 2.34 0.99 
SC75 0.997 11.16 6.41 1.93 0.99 
SC76 5.000 3.52 6.42 4.21 0.95 

6.12 2.27 0.99 
SC77 5.005 3.44 6.27 3.05 0.98 

6.45 2.10 0.99 
SC78 5.021 10.39 6.70 1.95 1.00 
SC79 5.003 10.73 6.66 2.32 1.00 

Table I. Contd. 

(Mg2 +): (Ca2 +) = 2.96:1.0 

g calcite I 
Exp't # H(lnltlal) 

- log k
n 

n R 
kg ASW 

SC80 4.99 3.S6 11.77 16.73 1.00 
7.54 2.57 0.95 

SCSI 0.502 3.S9 9.27 8.18 0.95 
7.34 2.67 0.93 

SCS2 0.499 10.65 9.13 4.60 0.99 
7.85 2.92 0.99 

SC83 0.558 10.60 8.42 6.76 0.98 
7.72 2.45 0.96 

SC84 1.001 3.68 8.42 6.76 0.98 
7.35 3.20 0.96 

SC8S 1.007 4.11 9.07 7.53 0.98 
7.41 2.75 0.96 

SCS6 1.003 11.31 9.63 4.39 0.98 
7.S5 2.31 0.98 

SCS7 - 1.002 9.40 LJ.IO 3.40 095 
7.94 2.49 0.98 

SC88 5.005 3.37 7.37 3.41 0.99 
7.29 2.72 0.98 

SC89 5.0()] 3.53 7.50 3.40 O.LJS 
7.42 2.82 1.00 

SC90 5.000 10.15 7.78 1.86 0.98 
SC91 5.002 10.01 7.68 1.76 0.99 
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Table 1. Contd. 

(Mg2 +): (Ca2+) = 4.99:1.0 

Expt# 
g calcite nl 

- log ko n R 
kg ASW (imlial) 

SC92 0.499 3.91 13.44 18.51 0.99 
7.66 3.51 0.97 

SC93 0.500 4.04 14.46 19.75 0.99 
7.86 3.54 0.97 

SC95 0.573 8.70 12.87 9.24 0.99 
8.\0 2.29 0.99 

SC94 1.003 4.06 11.35 12.47 0.98 
7.81 2.80 0.97 

. SC97 1.003 3.58 11.84 16.59 0.98 
7.78 3.15 0.97 

SC98 1.004 8.70 11.08 16.44 0.97 
8.18 2.38 0.99 

SC99 0.968 8.64 11.31 7.97 1.00 
8.16 2.81 0.99 

SC02 5.002 3.76 8.54 5.66 0.97 
8.02 2.47 1.00 

SC03 5.002 3.77 8.92 7.35 0.95 
8.11 2.97 0.99 

SCloo 5.001 9.07 7.97 1.87 0.99 
7.42 2.82 1.00 

SC90 5.000 \0.15 7.78 1.86 0.98 
SC91 5.002 \O.D1 7.68 1.76 0.99 

I: The initial degree of saturation with respect to calcite. 

than the stability constant of CaHCO; (Hawley 1973). At low pH the concentration 
of HCO; species was much higher than the concentration of CO~- , which led to the 
formation of more CaHCO; than CaCO~ . Apparently, the (Mg2) ion in solution, is 
involved in the reaction as the hydrated form depending upon its concentration in 
solution. This was shown by the increase· of n l ' as well as n2 with magnesium concent­
ration. 

Once the monolayer transformed into a neutrally charged interface between the 
bulk solution and the crystal surface, it regulated the crystal overgrowth. At this 
stage n2 represented the real overgrowth reaction. Accordingly, by taking the over­
growth reactions at supersaturation of natural seawater, it is concluded that the 
order of the overgrowth reaction n2 = 2.07 ± 0.17 for Mg-free artificial seawater, n2 
= 2.81 0.18 for (Mg2 +) : (Ca2+) = 2.96 and n2 = 3.07 ± 0.38 for (Mg2 +)(Ca2 +) = 
5.03. Interestingly, at high degree of supersaturation and large surface area the total 
order of the reaction approached a second order in presence of magnesium ions in 
solution. 

The presence of magnesium ions in solution affected the reaction rate as shown in 
Fig. 5. The rate of the reaction was slowed down by a factor of 14by going from aMg-
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FIG, 4. The values of n's as a function of the initial pH and the amount of calcite added in solutions of (a) 
Mg-free ASW, (b) Mg:'Ca = 3 and (e) Mg: Ca 5, 
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FIG. 5. The rate constants of calcite overgrowth as a function of magnesium-to-calcium concentration 
ratios in artificial seawater similar to natural seawater. 

free artificial seawater to a magnesium concentration that is found in natural seawa­
ter. 

Conclusion 

Generally, the mechanism of calcium carbonate overgrowth is a surface-control­
led reaction. The total order of the reaction is a second order in Mg-free artificial sea­
water. In the presence of magnesium ions the order of the reaction is approximately, 
third order reaction. The degree of saturation as well as the surface area are found to 
affect the order of the reaction. The reaction order tends to approach a second order 
at high degree of supersaturation and large surface area of calcite. 

The overgrowth reaction rates of calcite decrease dramatically, with the increase 
of magnesium ions in solutions, which confirms the involvement of magnesium ions 
in the overgrowth reaction in the form of magnesium calcite. 

Acknowledgement 

The author wishes to thank Prof. Dr. Mahmoud Kh. AI-Sayed, Prof. Dr. Amer A. 
SeJim and the anonymous referee for critiquing the manuscript. 



52 A.I. Rushdi 

References 

Anderson, D.H. and Robinson, R.J. (1946) Rapid electrometric determination of alkalinity of seawater. 
Industrial and Engineering Chemistry. 18: 767-769. 

Blaedel, W.J. and Meloche, V.W. (l957) Elementary Quantitative Analysis: Theory alld Practice. 
Evanston. Illinois, Row Peterson. 

Chave, K.E., Deffeys, K.S., Weyl, P.K., Garrels, R.M. and Thompson, M.E. (1962) Observations on the 
solubility of skeletal carbonate in aqueous solutions. Science. 137: 33-34. 

Culberson, C., Pytkowicz, R.M. and Hawley, J.E. (1970) Seawater alkalinity determination by pH 
method. J. Mar. Res. 28: 15-21 

Doresmus, R.H. (1958) Precipitation kinetics of ionic saltb from solution. J. Phys. Chem. 62: 1058-1075. 
Davies, C.W. and Jones, A.L. (1955) The precipitation of silver chloride from aqueous solution. Part 2. 

Kinetics of growth of seed crystal. Trans. Faraday Soc. 51: 812-817. 
Dyrssen, D. and SiIlen, L.G. (1967) Alkalinity and total carbonate in seawater. A plea for p-T independent 

data. Tel/us. 19: 113-L21. 
Gran, G. (1952) Determination of equivalence point in potentiometric titration Part II. Allafyst77: 661-

67J. 
Hawley, J.E. (1973) Bicarbonate ami Carbonate Ion Association with Sodium, Magnesium. (111(/ ('a/elulIIlII 

25°C and O. 72 Ionic Strength. Ph.D. Thesis. Oregon State University, Corvallis, 71 p. 
Herman, J.S. and Lorah, M.M. (1988) Calcite precipitation rates in the field: measurement and predic­

tion for travertine-depositing stream. Geoc·him. Cosmochim. Acta. 52: 2347-2:1S5. 
House, W.A. (i981) Kinetics of crystallization of calcite from calcium bicarbonate sl)lutiom . .I. Chem. 

Soc. Faraday Trans. 77: 241-359. 
Inskeep, W.P. and Bloom, P.R. (1985) An evaLuation of rate equations for calcite precipitation kinetics at 

pC02 1ess than 0.01 atm and pH greater than 8. Geochim. Cosmochim. Act. 49: 2165-2180. 
Kester, D.R., Duedall, J. W., Conners, D.N. and Pytkowicz, R.M. (1967) Preparation of artificial seawa­

ter. Limnol. Oceano gr. 13: 176-179. 
Laitinen, H.A. and Harris, W.E. (1975) Chemical Analysis: An Advanced Text and Reference, (2nd 

Edi!.). McGraw-HilL New York, pp. 143-165. 
Land, L.S. (1967) Diagenesis of skeletal carbonate. J. Sed. Petrol. 37: 914-930. 
Lasaga, A.C. (1981) Rate laws of chemical reactions. In: Lasaga, A.C. and Kirkpatrick, R.J. (ed.) Kine­

tics of Geochemical Processes. Reviews in Mineralogy. Vol, 8, R.H. Ribbe Series, Mineral Soc. 
Amer., pp. 1-67. 

Mehrbach, C., Culberson, C.H., Hawley, J.E. and Pytkowicz, R.M. (1973) Measurements of apparent 
dissociation constants of carbonic acid in seawater at atmospheric pressure. Limnol. Oceanogr. 
18: 897-907. 

Morse, J.W. (1983) Kinetics of calcium carbonate dissolution and precipitation. In: Reeder, R.J. (cd.) 
Carbonate: Mineralogy and Chemistry. Reviews in Miralogy. Vol. 11, R.H. Ribbe Series, Mineral 
Soc. Amer .• pp. 227-264. 

Morse, J.W. and Berner, R.A. (1979) The chemistry of calcium carbonate in deep oceans. In: Jenne, E. 
(ed.) Chemical Modeling-Speciation. Sorption Solubility and Kinetics in Aqueous Systems. Am. 
Chern. Soc., Washington, D.C., pp. 499-535. 

Nancollas, G.H. and Reddy, M.M. (1971) The crystallization of calcium carbonate, II. Calcium growth 
mechanism, J. Colloid Interface Sci. 37: 824-830. 

Plummer, L.N. and Back, W. (1980) The mass balance approach: Application to interpreting the chemical 
evolution of hydrologic system. Am. J. Sci. 280: 130-142. 

Plummer, L.N. and Mackenzie, F.T. (1974) Predicting mineral solubility from rate data: Application to 
the dissolution of magnesian calcite. Am. f. Sci. 274: 61-83. 

Plummer, L.N., Wigley, T.M.L. and Parkhurst, D.L. (1978) The kinetics of calcite dissolution in CO2-

seawater system at 5°C to 60°C and 0.0 to 1.0 aIm CO2 , Am. J. Sci. 278: 179-216. 
Plummer, L.N., Parkhursts, D.L. and Wigley, T .M.L. (1979) Critical review of kinetics of calcite dissol­

ution and precipitation. In: Jenne, E. (ed.) Chemical Modeling Speci(1tion. Sorption. Solubility 
and Kinetics in Aqueous Systems, Am. Chem. Soc., Washington. D.C., pp. 537-573. 



Kinetics of Calcite Overgrowth as a Function of Magnesium ... 53 

Reddy, M.M. (1983) Characterization of calcite dissolution :.Ind precipitation using an improve<l experi­
mental technique. Sci. Geol. Mem. 71: 109-117. 

Reddy, M.M. and Nancollas, G.H. (197l) The crystallization of calcium carbonate 1. Isotopic exchange 
and kinetics. J. Colloid. Interface Sci. 36: 166-172. 

Reddy, M.M., Plummer, L.N. and Busenberg, E. (1981) Crystal growth of calcite from calcium bicarbo­
nate solutions at 25°C: A test of calcite dissolution model. Geochim. Cosmochim. Acta 45: 1281-
1289. 

Rushdi, A.I. (1989) Kinetics and Equilibria of Magnesian Calcite in Seawater-like Solution: Laboratory 
Studies. Ph.D. T.hesis, Oregon State University, Corvallis, 245 p. 

Sjoberg, E.L. (1976) A fundamental equations for calcite dissolution kinetics. Geachim. Casmochim. 
Acta 40: 441-447, 

WoUast, R. and Relnhard·Derie, D. (1977) Equilibrium and mechanism of dissolution of magnesium cal­
cite. In: Anderson, N.R. and Malahoff, A. (eds.) The Fate of Fossil Fuel CO2 in the Oceans, Plenum 
Press, New York, pp. 479-492. 



54 A.I. Rushdi 

"::';~JJJ i~Ul ..::.;l~; J~J ~ ~~l~..w ~\ ~\ ~? 

ifl:......1..p\ ~ ~Lo ~ ~I ~\ 

~J..!,.) r=" 'A ..u--j 

.. L..:...,.. w~ ;. ,}JI 4JS ;. )~I ,# ~ 
WI ..... j~1 , .. L....:...,., 

Jl r~U\ <.?~ ~ j.:5;~t;:ij.,..l ~\J) ~\ \.1;. ~ . ~\ 

~I rJ\ "-?? Js- if 1..:1...,.. \ ~ .\... J W;;.;.l\ ~\ '':''.\~J'>J i.r---JLSJ\ 

j,:;. Li; Y OJl,&- ..::....-lts::.u ~\ '-:-" p.i\ '" i Js- ..... IJJ.J I ..:.J.>..ill . ..::....-lL.S1l 

i~ul ~ '>.}":"J iJ.s.} )ftJ J (~I ~r..,; ~ <.?l) ~\ ~ 

;.rJ ' r~ul ~ '>ftJ iJ.s. J 4,,;1!l1 4,,;)1 ;.r j,:;.Li:J\ .)i ~ . J}.:oJ.\ J 
c;l&.Li; ;.r ~'-' j,:;.Li:J1 ~ ..r- J ......... J .:;L,.u.:.l\':;1 J}.:oJ.~ O'>.}":"J ..J.:.<. .i!.1W\ 4,,;)\ 

rJl J i~ul ~ .!Ji;....!.1 ..IS}; .i!.1WI 4,,;)1 ;.r j,:;.Li.; Jl 4,,;\...:J1 "-:3.;-11 ;.r 

4,,;)1 j,:;.Li; ..,..,L';';I k.} l:5 . ..,..~U\ ..::....-l1.SJ\ .:; f>J ~I.SJI 0..w ~I 

.;"JWI ~\ ,= . .\~).>..J.:.<. - r~U\ ~ ).}":"J J - 4,,;WI ~)I j,:;.Li; ;.r .i!.1W\ 

. j,:;.Li:J\ ..J.:.<. ~I.SJI .) ......... ;.r o~~ ~i '>.}":"JJ 


