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ABSTRACT 

Calcium carbonate, calcite, and magnesium carbonate, magnesite, form a series 

of solid solutions with compositions ranging 0 to 50% magnesite which is dolomite 

the end member of the series. The calcite magnesite solid solutions are called 

magnesian calcites (Mg-calcites). 

Mg-calcites exist in nature, in soils, in marine skeletal materials, in some 

marine cements, etc., and their existence has been associated with the 

supersaturation of calcite in sea water and the soil solution of some calcareous 

soils. They are clearly more soluble than calcite, but their chemical properties 

has not been defined. 

This paper examines the basic chemistry of the Mg-calcites and develops a 

theoretical model derived from the regular solution model and based on classical 

equilibrium thermodynamics. This model can be used to predict solubility and 

explain the behavior of the Mg-calcites. 



CHAPTER ONE 

Introduction to Mg-Calcites 

A. Mg-Calcites in Natural Systems 

10 

This paper discusses the thermodynamics of mixing of magnesian calcites, 

solid solutions of magnesite, MgC03, in calcite, CaC03 • Carbonates are important 

sedimentary minerals on a geologic scale and are common in arid region soils. The 

properties of calcite and magnesite are generally well known from laboratory 

studies. The chemical behavior of calcite in some natural systems, however, 

apparently does not correspond with the behavior predicted from laboratory 

studies of pure calcite. The most common examples of this are the apparent 

supersaturation of calcite in sea water and in the soil solution of some arid region 

soils containing free calcium carbonate. The knowledge of carbonate equilibria is 

important to predict the conditions for formation of carbonate sediments, the CO2 

buffering capacity of the oceans, and the prediction of soil solution composition 

and reactions. 

One reason which has been suggested for the apparent supersaturation of 

calcite under conditions in which there is a significant concentration of Mg +2 ion 

in solution is that a solid solution of MgC03 and CaC03 termed Mg-calcite forms 

which is more soluble than calcite. The solid solution leads to the apparent 

supersaturation of calcite i.e., the ion activity product for calcite 

lAP - a(Ca +2)*a(C03'2) (1) 

where a represents the thermodynamic activity of the ions in solution, exceeds 

the solubility product of calcite .. 

The definition of the solubility of a solid solution is an interesting problem 

in thermodynamics. The thermodynamic properties of mixtures are not generally 

defined in the work of Gibbs. Gibbs's formulation of thermodynamics (which 

deserves recognition as one of the great nineteenth century physical 

theories, and one which has not been significantly modified since its original 

development) does deal with a certain class of mixtures termed ideal mixtures in 

which the behavior of a component is independent of the other components. The 

most common example of this is the behavior of gases (at sufficiently high 

temperature and low pressure). The properties of an ideal mixture rest on the 

fact that the interactions between molecules are negligible or more precisely are 
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not different than in the pure components. The majority of mixtures are termed 

non-ideal, and their properties depend on the differences in molecular interactions 

in the mixture from those of the pure components. As Gibbs's work preceded the 

atomic theory of matter it is no surprise that it does not contain the effects of 

changes in molecular interactions. 

G. N. Lewis added the concept of thermodynamic activity to Gibbs's work. 

Activity is defined as 

# - #0 + RT*ln(il) (2) 

where # is the chemical potential, #0 is the chemical potential in a defined 

standard state, R is the gas constant, T is the temperature in degrees Kelvin, and 

a is the thermodynamic activity. The activity represents a deviation from the 

standard state chemical potential. The activity of a pure solid at standard 

temperature and pressure, the standard state for a solid, is defined to be one, and 

changes in activity may reflect changes in molecular interactions. 

The problem in the determination of the chemical properties of a component 

of a mixture is to determine the chemical potential or activity of the component 

in the mixture. For non-ideal mixtures this requires some method of determining 

the nature and magnitude of the molecular or ionic interactions. If the energy 

changes due to mixing can be determined through a molecular approach the 

standard thermodynamic formalism can be used to determine the chemical potential 

and activity of the components of the mixture and thus their chemical behavior. 

B. Literature Review 

A number of studies have been done on the Mg-calcites. They may be 

divided into three categories. The first are those done at high temperature and 

pressure, the second those done at low (room) temperature, and the third studies 

which are primarily theoretical. Among the high temperature studies Gordon Ilnd 

Greenwood have investigated the reaction of dolomite .... quartz + water - talc + 

calcite + carbon dioxide. Because of the coexistence of dolomite and calcite the 

free energy change depends upon the activity of MgC03 in dolomite. Using the 

data of Guf and Goldsmith the activity of MgC03 in the dolomite solid solution 

was determined. The data represent the high temperature decomposition of 

dolomite. The activity of MgC03 in dolomite will not be the same as in calcite 

because of the difference in crystal structure and symmetry between dolomite and 
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calcite. 

A larger number of low temperature studies of Mg-calcites have been done. 

Again these may be divided into several groups. One group has described the 

synthesis of Mg-calcites at low temperature.(Glover and Sippel; McCauley and 

Roy; Kitano and Kanamori; Devery and Ehlmann,). Generally Mg-calcites with 

MgC03 content up to 30 mol% can be prepared from supersaturated solutions of 

varying Mg+2/Ca+2 ratios. 

Another group of studies has found that the precipitation of calcite from 

sea water is inhibited in the presence of Mg+2 ion in solution, and t,hat Mg

calcites and/or aragonite are formed in preference to calcite. In general it is 

concluded that the Mg-calcites are more soluble than calcite (Cooke and Kepay; 

Plath, Johnson, and Pytkowitz; Mucci and Morse; Berner; Katz; Last.) 

The last group of stu:!ies deals with the measured solubility of Mg-calcites, 

generally of biogenic origin (Plummer and Mackenzie; Morse). Some problems arise 

in determining the point of equilibrium, or in fact if equilibrium occurs, and the 

evaluation of the solid phase in equilibrium with the aqueous solution (the 

biogenic material used contains several Mg-calcites phases of different 

composition). Generally it was found that high Mg-calcites are unstable with 

respect to low Mg-calcites. 

Several theoretical papers have described the solubility of the Mg-calcite 

solid solutions. Thorstenson and Plummer using the data of Plummer and 

Mackenzie developed a mathematical expression for the solubility of the solid 

solution assuming that it dissolves with fixed composition. 

None of the papers mentioned above have used a theoretical model to 

determined the activity (and thus chemical potential) of the solid solution 

components. 

This paper proposes a theoretical model which uses calculated values of 

the change in the Gibbs free energy due to mixing to evaluate the activity of the 

components of the solid solution. Once the energy changes due to mixing have 

been calculated the determination of the component activity follows the standard 

thermodynamic formalism. 
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CHAPTER TWO 

The Chemistry, Solubility, and KiI,etics of Calcite, Magnesite, and Mg-Calcite 

Dissolution 

A. The Chemistry and Solubility of Calcite, Magnesite, and Mg-calcites. 

This section discusses the basic physical and chemical properties of calcite 

and magnesite to develop an intuitive, qualitative view of how these properties 

change in the Mg-calcite solid solution. One of the properties of greatest 

importance in this paper is aqueous solubility, both because it is an important 

property in the study of natural systems, and because it can be directly related 

to the chemical potential of the solid phase. 

Calcite and magnesite have the same crystal structure; rhombohedral unit 

cell with R3c symetry. The dimensions of the cell are different, Table 1. 

In the carbonate minerals the C03"2 ion acts as a fixed unit; its dimensions 

do not change when combined with different cations. The C-O spacing thus remains 

constant while the M+ -0 (cation-oxygen) distance depends on the size of the 

metallic cation. 

Carbonates are considered to be ionic solids, although of low solubility, 

and the bonding is primarily electrostatic. Table 2 gives some physical and 

chemical properties of CaC03 , MgC03 , Ca, and Mg. 

The Gibbs free energy of formation is greater for calcite but the lattice 

energy is greater for magnesite. The Gibbs energy represents the formation of 

the solid from the elements. The lattice energy is defined as the change in energy 

when the ions are brought from infinite separation to their equilibrium positions 

in the crystal lattice. The difference is in the energy of formation of the ions 

and in changes in entropy which are not included in the lattice energy. (The 

entropy is estimated to be about 10% of the lattice energy. see Bockris and 

Reddy.) In this paper the lattice energy is more significant because it relates 

directly to the energy needed to separate the ions during dissolution in water. 

Lattice energy in an ionic solid is inversely proportional to the ion-ion distances. 



Table L. Crystal Structure 

unit cell type 

symetry space group 

CaC03 

rhomb 

R3c 

unit cell dimensions: (in Angstroms) 

MgC03 

rhomb 

R3c 

a 4.9896 4.6328 

c 

M+-O dist 

17.0610 15.0129 

2.3598 2.1018 

Table 2. Physical and Chemical Properties 

CaC03 MgC03 

molecular weight 100.09 84.32 

specific gravity 2.710 2.958 

heat capacity const P (Cp)J/deg/mol 81.88 75.52 

molar volume (in Ang) 367.78 324 

enthalpy of formation (Hf) kJ/mol -1206.9 -1096.8 

Gibbs energy of formation (Gf)kJ/mol -1128.8 -1012.1 

standard entropy (SO) J/mol*K 92.8 65.7 

lattice energy kJ/mol -3.017 -3.281 

Ca Mg 

fii"st ionization potential kJ/mol 589.7 737.7 

second ionization potential kJ/mol 1145 1450.7 

Table 3. Relative Solubility of Calcite and Magnesite. 

Ion radius (in Angstroms) 

Solvation number 

G(f) kJ/mol (aqueous ions) 

K(eq) CaC03 (logKsp) 

K(eq) MgC03 (logKsp) 

Ca+2 MgH 

0.99 

7.5-10 

-553.5 

-8.42 

-7.46 

0.61 

13-16 

-454.8 

14 
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U - Z+*Z-*(4i€0 )MN Air (3) 

where U is the internal (or lattice) energy, M is the Madelung constant, 

characteristic of the structure and spacing of the crystal, e2 is the charge of 

the electron, 100 is the permitivity of free space, N A is Avogadro's number, z+ and 

z- are the charges on the ions and r is the distance between the charges. 

Electrostatic energy, which dominates in the crystal, is a function only of charge 

and distance. Magnesite thus is more strongly bonded than calcite. 

Solubility in water is the sum of two processes. First the bonds in the 

crystal must be broken, that is the lattice energy must be overcome to allow 

the ions to separate, this requires energy. Second the ions which have been freed 

from the lattice become hydrated, that is they interact with the molecules of the 

solvent, in this case water. The interaction between an ion and water molecules is 

basically electrostatic, the attraction of an ion for a polar molecule. Water may 

be considered as a dipole, or more exactly for an ion within about 1 nm, a 

quadrupole. The water molecules become oriented around the ion by attractive 

coulombic forces which lower the energy of the ion solvent solution. This change 

in energy is termed solvation or in the case of water, hydration energy. 

The solubility of a solid can be evaluated by the sum of the energy 

needed to break the lattice and the energy released in the hydration of the 

released ions. The expression for hydration energy is composed of four terms 

(when water is the solvent and is considered as a quadrupole, see Brokris and 

Reddy, Chapter 2 Ion-Solvent Interactions). The first is a dipole term in which 

the energy is inversely proportional to the square of the sum of the radii of the 

ion and a water molecule. The second term is the induced dipole term and the 

energy is inversely proportional to the fourth power of the sum of the ion and 

water radii. The third term is called the Born charging term (which calculates the 

energy needed to discharge the ion in a vacuum and then recharge it in the 

solvent), and the fourth is the quadrupole term in which the energy varies as the 

reciprical of the sum of the radii raised to the third power. Because the 

hydration energies all depend on the reciprical of the ion radius raised to a 

power, the hydration energy of the smaller Mg +2 ion is greater than that of Ca +2. 

C03"2 is common to both calcite and magnesite so the difference in their solubility 

is due to the the differences in the lattice energy and the hydration energy of 

the cations. 
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The lower energy of formation of the aqueous Mg +2 ion compared to the 

aqueous Ca +2 ion is reflected in the equilibrium constants for the dissolution of 

magnesite and calcite. (Note: there is some uncertainty in the values given for 

the Gibbs energies of formation of magnesite and for the hydrated ions). It is 

clear from experimental evidence, however, that magnesite is roughly ten times as 

soluble as calcite. The agrees with the qualitative approach we have taken. 

When calcite and magnesite are mixed, to form a solid solution where 

Mg+2 has substituted for Ca+2 in calcite, the bonding energies in the crystal must 

change because the ion-ion distances in the crystal change. The unit cell 

dimensions for magnesite are considerably smaller than for calcite, because the 

Mg+2 ion is smaller. When Mg+2 substitutes in the calcite lattice the crystal 

shrinks. X-ray diffraction studies on Mg-calcites have shown that the relationship 

between ion-ion distances and Mg content is linear up to about 15% MgC03(Reeder, 

ed. Chapter 4). Fig. 1 shows the relation of M+ -0 distances in Mg-calcites vs 

MgC03 content. 

In low Mg-calcites, however, the Mg +2_0 distance is considerably greater 

than in magnesite, while the Ca +2_0 distance is slightly less than in calcite. Thus 

the bonding energy for Mg +2 decreases and that for Ca +2 increases. This affects 

the solubility of both components of the Mg-calcite solid solution. This is clearly 

a non-ideal solution in which the bonding energies between pairs of ions is 

different than in the pure components. The major change is to the minor 

component, MgC03 , which undergoes the greatest relative change in environment. 

The lattice energy for the MgC03 component, or the binding energy for Mg +2 ions 

decreases. The hydration energy remains the same, so the sum of the two is more 

negative and thus the solubility is increased. The CaC03 component is also 

changed but to a much lesser degree. Strictly speaking the Ca +2 ion is squeezed 

closer to its neighboring oxygens and the electrostatic bond energy increases. 

Thus the CaC03 should become less soluble. It is hard to see, however, how the 

radius of the Ca +2 ion could be reduced in order to allow closer packing. 

B. The Thermodynamic Formalism of Solubility. 

One of the of the principal assertions of this paper is that the proper way to 

determine the equilibrium solubility of a solid is through the use of the change 

in thermodynamic potentials during aqueous dissolution. Thermodynamics has long 
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been used in the study of chemical equilibria, and its principles have proved 

consistently useful. In any specific chemical system equilibrium m!:'.y or may not 

be reached but if equilibrium is eiiher achieved or believed to be achieved, the 

principles of thermodynamic equilibrium should apply. In fact even in cases of 

suspected non-equilibrium conditions the evaluation of the actual equilibrium 

conditions could be used to evaluate the degree of equilibrium attained. The 

determination of the solubility of the Mg-calcites from experimental data will 

depend on the evaluation of whether or not equilibrium has been achieved. 

First it will be useful to review the general criteria for equilibrium, the 

principles of solubility, and then go on to the change in thermodynamic potentials 

due to the formation of a solid solution, and finally the proposed methods to 

determine the solubility of the Mg-calcites. The thermodynamic potential of 

greatest use in conditions of constant pressure and temperature is the Gibbs 

function. This is defined as. 

G - U + pV - TS (4) 

where G is the Gibbs function (free energy), U is the internal energy, p is 

pressure, V is volume, T is temperature, and S is entropy. Equation 4 can be 

expressed as 

dG - Vdp - SdT (5) 

At constant temperature and pressure the criteria for spontaneous change 

of a closed system is therefore that the Gibbs function decreases. This is 

expressed as 

(dG)T,p < 0 (6) 

The change in the Gibbs function per mole of material is termed the chemical 

potential, written IJ. 

1J.(1) - (dG/dnl)(T,p,n2 ••. ) (7) 

For a system in which there is a change in phase of the component where 1 and 2 

refer to different phases equation 5 can be written 

dG = Vdp -SdT +lJ.ldnl + 1J.2dn2 + ... 

which at equilibrium at constant T and p where 

dG = 0 

(dG)T,p = 1J.1dnl +J.l2dn2 = 0 

From this formulation in a two phase system where 

dnl ~ -dn2 

(8) 

(9) 

(10) 

(11) 
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then 

.u1 - .u2 (12) 

is the sufficient condition for equilibrium. 

Because the chemical potential of a component in equilibrium between two 

phases is equal, the I=roblem is to determine the chemical potential or activity of 

one phase and infer the proper tie!; of the other phase. In the case of the Mg

calcites the problem is to theoretically calculate the chemical potential of the 

solid phase component to predict the composition and concentration of the 

aqueous phase in equilibrium with the solid phase, or to measure the chemical 

potential of the aqueous component to ·determine the chemical potential of the 

solid component. Both approaches are examined in this paper. 

The procedure for determining the chemical potential of the aqueous 

solution components of the Mg-calcites is straightforward through the use of the 

Debye-Hueckel formulation of the activity coefficient of ions in solution. The 

determination of the chemical potential of a pure solid is also straightforward, it 

is simply the standard molar Gibbs energy of formation for the solid. It is 

another question to determine the molar Gibbs energy of formation for a 

component of a solid solution. These two areas are actually outside the range of 

classical thermodynamics as developed by Gibbs. This is because the theory of 

the atomic nature of matter was not developed at the time of Gibbs's work, and 

the chemical potentials of ions in solution and the components of solutions in 

general involve molecular interactions whose energies must be described by some 

model of molecular interactions. The Debye-Hueckel model has proved very 

satisfactory for sufficiently dilute ionic aqueous solutions. For solid solutions 

several models have been proposed. This paper will use the regular solution model 

to evaluate the chemical potentials of a solid solution. Also a form of this model 

which is modified to apply more accurately to a solution of ionic solids, called 

the solid solution model, will be investigated. 

The study of the pressure dependence of the Gibbs function leads to the 

development of expressions for the chemical potential of materials in solutions. 

The Gibbs function is written 

dG = Vdp - SdT 

at constant temperature the change in G with respect to pressure is 

(dG/dp)T = V 

Assuming a perfect gas which obeys the equation of state 

(13) 

(14) 
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pV - nRT (15) 

the integrated form of the above derivative with respect to pressure is 

G(pl) - G(p2) +nRTln(p2/pl) (16) 

Most gases, however, do not follow this relation, that is the change in Gibbs free 

energy is not strictly a function of pressure. In order to preserve the 

mathematical form and yet have an expression for the pressure dependence of the 

Gibbs function the variable fugacity was introduced. It replaces the pressure in 

the integrated expression. 

G(p2) = G(pl) + RTln(f Ipl) (17) 

where f is the fugacity. Lewis and Randall proposed that fugacity be considered a 

linear function of the actual pressure 

f = fc*p (18) 

where fc is the fugacity coefficient. The introduction of the concept of fugacity 

allows the pressure dependence of the Gibbs function, or the chemical potential, 

to be expressed for real gases, that is for those gases whose actual behavior is 

dependent on specific molecular interactions. Thus the molecular nature of matter 

became a part of modern thermodynamics. It is appropriate to note that in the 

statistical derivation of the thermodynamic potentials from a stictly particle 

point of view the fugacity or activity, the corresponding function for condensed 

states, is a natural feature . 

For liquids the chemical potential is written 

J..L - J..L* + RTln(a) (19) 

where J..L* is the chemical potential in a defined standard state, and a is the 

activity. The activity represents the difference between the chemical potential in 

a standard state and the actual chemical potential. As with fugacity it is 

considered a linear function of composition 

(20» 

where "Y is the activity coefficient and m(1) is the concentration of substance one 

and x(1) is its mole fraction. In a liquid solution the activity is equal to the 

concentration or the mole frection when the activity coefficient is one. This is 

the case in a perfect or ideal solution where the molecular interactions between 

the components in the mixture are not different from those in the pure 

components. For non-ideal solutions where the molecular interactions are different 

and the chemical potential varies with the change in molecular interactions, which 

usually depend on composition, the activity coefficient represents the difference 
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in molecular interactions between the ideal solution and the real non-ideal 

solution. The evaluation of the activity coefficient must have a molecular basis. 

This has been done for electrolytes by Debye and Hueckel. 

For solids the activity is defined and written in the same way as for liquids. 

/J. - /J.0 + RTln(a) (2) 

The standard state for a solid is the pure substance at standard temperature and 

pressure. Thus for a solid in its standard state the activity is defined to be one. 

The activity of a solid is important when we consider its solubility. Using the 

example of calcite, CaC03 the dissolution is written 

CaC03 ~ Ca +2 + C03"2 

At equilibrium the chemical pot'~ntials of both phases are equal 

/J.(solid) = /J.(aqueous) 

/J.(solid) = /J.°(solid) + RTln(a)(solid) 

/J.(aq) = /J.*(Ca +2) + /J.*(C03"2) + RTln(a(Ca +2)(a(C03"2) 

(20 

(22) 

(23) 

(24) 

The chemical potentials of the solid and aqueous phases are equal at equilibrium, 

so 

/J.*(Ca +2) + /J.*(C03"2) - /J.(solid) = RTln(a(Ca +2)(a(C03"2)/(a(CaC03 ) (25) 

The last term is the equilibrium constant, K(eq) and the first three terrs, the 

difference in the standard chemical potentials, is the change in the standard molar 

Gibbs free energies. This reduces to the familiar relation 

~G(molar) = -RTlnK(eq) (26) 

where 

K(eq) = a(Ca +2)a(C03"2)/a(CaC03"2) (27) 

The important point to make here is that the activity of the solid phase appears 

in the denominator of the equilibrium constant. When considering the 

dissolution of a pure solid the solid activity is one by definition and the 

equilibrium constant is often expressed as the ion activity product, lAP 

K(eq) = a(Ca +2)a(C03"2) (28) 

When the solid is not in the standard state, however, the solid activity is not 

one, and the ion activity product can not be equated to the equilibrium constant. 

When the solid is a component of a non-ideal solid solution, then it is c1ealy not 

in its standard state and thus its activity is not one. The activity is also 

generally a function of composition. In the Mg-calcites the activity of the minor 

component MgC03 will generally not be one and will vary with composition. The 

solubility of the total solid which may be written as Ca(x)Mg(1-x)C03 can not be 
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written as 

K(eq) = a(Ca +2)a(Mg +2)a(C03"2)/a(Ca(x)Mg(1-x)C03 ) (29) 

This is not a proper expression for the solubility because it treats the solid as a 

single phase not as a two component phase whose composition may change. (This 

is in a strict sense, see the discussion below of the physical limitations of the 

behavior of ions at the surfaces of crystals compared with those in the interior). 

The solubility of a solid solution is actually the sum of the solubility of the two 

components which may have different and non-unity activities. 

Thermodynamically the Mg-calcite solid solution can be considered to be two 

separate (even physically separate, as if there were a pile of MgC03 and a second 

pile of CaC03 ) phases each having different and non-unity solid phase activities. 

The solubility of the solid solution is not then the combined activity product of 

all the dissolved ions, but is the sum of the solubilities of two separate solid 

phases. This approach gives a conventional thermodynamic meaning to the 

equilibrium constant for the dissolution of the components, and avoids 

theoretically unfounded simplifying assumptions (even though these may have a 

some practical basis) such as the suggestion that a nonideal solid solution 

dissolves without changing composition and can thus be considered as a single 

,component phase. 

C. The Kinetics of Dissolution of Mg-Calcite Surfaces 

The kinetics of ion diffusion in the solid and dissolution at the mineral 

surface divides the dissolution process into two different kinetic steps. The 

first is clearly the rapid dissoluiton of the surface layers of the solid expressing 

the true (increased) activity of the solid solution components, especially the 

minor component in the Mg-calcites. The MgC03 is more soluble than the CaC03 

and soon becomes depleted at the crystal surface. Once the surface has been 

depleted of MgC03 the dissolution proceeds differently. The CaC03 dissolves 

according to its chemical potential in the solid solution, although it seems 

reasonable to think that the holes caused by the loss of MgC03 from the lattice 

would reduce the lattice energy and increase the actual solubility of CaC03 •• 

The second step is diffusion of ions from the interior of the crystal to the 

reacting surface. This step is very slow compared to the dissolution of the 

surface ions in the aqueous solution. So the MgC03 then appears to dissolve in 



amounts proportional to its mole fraction in the solid. At this point the solid 

appears to dissolve in proportion to its composition. This is not the 

thermodynamic situation however, and a thermodynamic analysis of the 

components based on this phase of the dissolution will be incorrect. 
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In applying the results of thooretical calculations of the changes in chemical 

potentials due to mixing of the components of solid solutions to the study of soil 

minerals, the fact that the predicted behavior occurs only at the surfaces does 

not present a problem. This is because essentially all fast soil reactions occur at 

mineral surfaces and the balance bet~een precipitation and dissolution due to the 

drying and re-wetting of soils allows these surfaces to be maintained. On a time 

scale of days, weeks, or growing seasons it seems reasonable that thermodynamic 

equilibrium is at least approximated between the surfaces of soil minerals and the 

soil solution. On a geological time scale, however, these surfaces are not constant 

and the soil is not in an equilibrium state, with the exception of all but the most 

stable secondary soil minerals. 



CHAPTER THREE 

The Regular Solution Model, its Modifications and the Solid Solution 

Model. 

A. The Regular Solution Model 
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This section describes the regular solution model and applies it to the Mg

calcite solid solution series. 

The Mg-calcites are considered to be ionic solids composed of Ca +2 and Mg +2 

cations and the carbonate C03"2 anion. The bonding between these ions is taken to 

be electrostatic. Thus the calculations for the potential energy of interaction of 

nearest neighbor pairs described in the model will be the coulombic potential 

between oppositely charged particles. The coulombic force between two charges is 

FCc) = ql*q2/r2 (30) 

where FCc) is the coulombic force, ql and q2 are the charges, and r is the 

distance between them. The potential energy between two charged particles is the 

energy required to bring the particles from infinite separation, where there is no 

energy of interaction, to the equilibrium distance of separation (in the crystal). 

Thus the potential energy is the integral of the force from infinity to r 

U(c) = [ ql*q2/r2 dr (31) 

so 

(32) 

In order to evaluate the electrostatic potentials of interaction in the Mg

calcites it is necessary to know the ion-ion distances. The work of Graf et. al. 

and others has given the unit cell dimensions for calcite, magnesite and several 

Mg-calcites from x-ray diffraction studies. The change in unit cell dimensions is a 

roughly a linear fUnction of MgC03 content. Using the ORTEP computer program 

and with the help of Dr. Michael Bruck of the University of Arizona Chemistry 

Department, ion-ion distances were determined for the Mg-calcites from the unit 

cell dimensions, Table 4. 

The regular solution model developed by Hildebrand and described in 

Guggenheim and McClelland evaluates the change in the Gibbs free energy due to 

mixing and then calculates the activities of the components of the solution. 

Originally this model was applied to liquid solutions, but because it assumes a 
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lattice structure it has also been applied to solids. The derivation of the model in 

brief as given by McClelland is: 

Assumptions: 

1) packing is similar to a crystal lattice 

2) components are similar enough that mixing is random and that the 

change in molar volume is negligible. 

3) intermolecular forces are for nearest neighbor interactions 

Then then energy of each component is 

U(1) = 1I2*N(1)zw(1) (33) 

where U is the internal energy, N is the number of atoms or molecules, z is the 

number of nearest neighbors, and w is the average potential energy of interaction 

of nearest neighbor pairs. The energy of component 2 is expessed the same way 

and the mixture is 

U(1,2) = N(1,1)w(1,I) + N(2,2)w(2,2) + N(1,2)w(1,2) (34) 

where U(1,2) is total potential energy of the mixture, N(1,I) is the number of pairs 

of component 1, w(1,l) is the pair potential for pairs of component 1, similarly 2,2 

refers to pairs of component 2 and 1,2 to pairs of the mixture. The pair 

potentials, w(l,!), w(2,2) and w(1,2) are calculated from the charges and distances 

of the ions. 
2 

w(1,l) = (0.9)*ql*q2*(4~€o)/r (35) 

where ql and q2 are the charges on the ions and r is the distance between them. 

The pair potential energy term must include repulsive potential which is 

estimated at about 10% of the attractive potential. Thus w(1,l) for example is 0.9 

of the attractive coulombic potential. The change of energy due to the formation 

of the mixture is 

A U = U(1,2) - U(1) - U(2) (36) 

which can be written 

A U = N(1,2)W (37) 

where 

W = w(1,2)-1I2(w(1,l)+w(2,2» (38) 

Counting the number of N(1,2) pairs assuming random mixing, and adding 

the mixing entropy gives the change in the Gibbs energy due to mixing 

AG(mixing) = AU(mix) -TAS(mix) (39) 

AG(mixing) = N A Wz(n(1)n(2)/n(l)+n(2» + RT(n(1)lnx(l)+n(2)lnx(2» (40) 
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where N A is Avogadro's number, n(1) and n(2) are the number of moles of 

components 1 and 2, and x(1) and x(2) are the mole fractions of components 1 and 

2. The total Gibbs energy of the mixture is 

G(mixture) ~ G(1) + G(2) + ~G(mixing) (41) 

The chemical potential of component 1 is 

fl(1) = dG(mixture)/dn(1) (42) 

when T,p,n(2) are constant. Differentiating the above expression for G(mixture) 

with respect to n(1) gives 

fl(l) ~ flom +RTOnx(l)+N(a)zWx(2)2/RT (43) 

where flo(!) is the standard state chemical potential which for a solid is that of 

the pure solid. The chemical potential is also defined as 

fl = flo + RTlna (2) 

where a is the activity. Solving for the activity in equations (43) and (2) 

a ~ x(l)exp(zWx(2)2/kT) (44) 

This expression for the activity of a component of a (solid) solution is the key 

to predicting the chemical behavior and solubility of the components of solid 

solutions. It remains, howaver, to demonstrate that this model is appropriate for 

the particular system studied in this paper, the Mg-calcites, and whether the 

predictions of this model explain the behavior of Mg-calcites in natural systems 

and are in agreement with experimental results. 

The mathematical form of the expression for the component activity given 

in equation (44) is Significant. The activity is a product of two functions, the 

mole fraction, x(1), and the exponential function. x(1) is an increasing function 

when plotted against itself, the mole fraction of MgC03 in the solid solution. The 

exponential function is a decreaSing function both because of the x(2f term and 

W which decreases with increasing substitution of Mg +2 in the calcite lattice. The 

product of an increasing and a decreasing function will have a maximum and in 

this case, because the exponential function changes more rapidly, the maximum is 

quite sharp. This feature may reflect the mathematics of the model more than 

the properties of the physical system. 

B. Modifications of the Regular Solution Model 

Several modifications of the regular solution model have been proposed. 

The best known is the so-called quasi-chemical model developed by Guggenheim 
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which corrects an inconsistency is the regular solution. One of the assumptions of 

the regular solution is that tile mixing is random and the numbers of pairs of 

each type can be calculated based on the probability of random distribution. The 

model also assumes that there are energy changes due to mixing and that some 

pairs will have lower energy than others and thus a higher probability of 

formation. These two assumptions contradict each other. To correct for this 

Guggenheim introduces an equilibrium constant for the change 

AA + BB = 2AB (45) 

in terms of the partition functions for AB, AA, etc. and the numbers of pairs and 

thus calculates the number of AB pairs in terms of the change in energy instead 

of random mixing. This is introduced into the expression for G(mixture) and thus 

in the activity of the components (Guggenheim, 1952). When the results of the 

regular solution model and the quasi-chemical model are plotted (activity of 

MgC03 vs composition of MgC03 ) the shapes of the curves are similar but the 

numerical values may differ significantly. 

A second modification of interest to the regular solution model was made 

by G. Scatchard (McClelland) who showed that for unsymmetrical mixtures, those 

in which the size of the components is different (one of the assumptions of the 

original model is that the component molecules are of the same size), the 

properties can be better represented by using the volume fractions rather than 

the mole fractions. 

C. The Solid Solution Model 

Considering the application of the regular solution model to the Mg-calcite 

system, several specific and necessary modifications are apparent. The resulting 

model which is the major result of this paper I call the solid solution model. 

When Mg +2 is substituted into the calcite lattice the spacing between ions in 

the lattice decreases. Assuming that the spacing in the lattice is homogeneous, 

that is that all the metallic cations are equally spaced from the carbonate anions, 

and that the bonding is electrostatic and depends only on distance and charge, 

there will be no difference in the potential energy of the Ca-C03 pairs and the 

Mg-C03 pairs. Thus the internal energy of the mixture is 

U(1,2) = (n(l) + n(2»w(1,2)z (46) 

the number of molecules of CaC03 and MgC03 times the potential energy of 
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interaction w(1,2) which is the same for all pairs, times z, the number of nearest 

neighbors. Then the change in energy due to mixing is 

AU(mixing) = (n1+n2)w(1,2)z - n1 wlz - n2w2z (47) 

Another important point in the consideration of the Mg-calcites is that for 

ionic solids the potential of each ion is not properly represented by its nearest 

neighbor interaction only. To consider the nearest neighbor intraction as the only 

important molecular interaction is appropriate for mixtures of similar non-polar 

liquids where the interactions are short range, dipole-dipole, or induced dipole 

attractions. In ionic solids the electrostatic interactions are relatively long range, 

decreasing only as lIr. Thus the energy of the mixture must be calculated as the 

lattice energy of the entire crystal. 

From the published values of the lattice energy for calcite (Yuen et al 

1978) an empirical Madelung constant can be calculated 
2 

UClattice) = zl*z2*<4i€o)M*N A/r(O) (48) 

where M is the c:lIpirical Madelung constant, NA is Avogadro's number, and reO) is 

the distance from a Ca +2 ion to the nearest oxygen. M depends on the symmetry 

and spacing of the crystal. 

It is also apparent that the assumption in the regular solution model that 

the molecules are of the same size and that there is no change in molar volume 

due to mixing is not true for the Mg-calcites. It is necessary to evaluate the 

volume term pdV in the expression of the Gibbs energy of the mixture. It turns 

out that the energy change due to volume change is negligible compared to the 

electrostatic bonding and entropy changes. 

Using these changes in the mechanics of calculating the energy change 

regular solution model we again apply it to the Mg-calcites. This modified regular 

solution model I call the solid solution model. The internal energy or lattice 

energy of each component, CaC03 and MgC03, is 
2 

VI = NI*zl*z2(4i€o)M/r(O) (49) 

where NI is the number of ions (of each type), zl and z2 are the charges on the 

ions, e is the charge on the electron €o is the permitivity of free space, M is the 

Madelung constant (the empirical constant derived from the lattice energy) and 

rCO) is the distance from the metallic ion to the nearest carbonate ion. 

Using these assumptions in applying the solid solution model to ionic solids 

and the Mg-calcites in particular, the derivation of the activities of the 

components follows: 



The internal energy of each component and of the mixtures can be 

represented as the lattice energy 
2 

U(i) = n(i)*N A *zl*z2*(4;€o)*M/rCO) (SO) 

where nW is the number of moles of component i, and the other terms are as 

described above. The change in internal energy due to mixing is 

AU = (n(1) + n(2))U«1,2) -(n1)U(l) -(n(2)U(2) (5l) 

where U(1,2) is the internal energy of the mixture and U(1) etc. that of the 

components. Then the change in Gibbs energy due to mixing is 

AG(mixing) = AU(mixing) -TAS(mixing) 

The Gibbs energy of the mixture is 

G(mixture) = G(1) + G(2) + AG(mixing) 

(39) 

(41) 
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The chemical potential of component 1 is defined as 

fL(l) = (dG/dn(1)T,p,n(2) (42) 

This gives 

fL(1) = fL°(1) + d(AG(mixing)/dn(1) 

In mixtures the chemical potential is also expressed as 

fL(1) = fL°(1) + RTlna(1) 

Combining these and solving for the activity of component 1 

a(1) = exp[d(AG(mixing)/dn(l)/RTl 

(52) 

(53) 

(54) 

The activity can be evaluated by calculating the values of AG for each mixture 

and determining the derivative by measuring the slope of the plot of dAG/dn(1). 
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CHAPTER FOUR 

Results of Calculations Using the Regular Solution Model, its Modifications, 

ails the Solid Solution Model to Predict Component Activities in Mg-Calcites. 

A. Results of the Regular Solution Model 

The regular solution model was introduced in Chapter 3. In this chapter we 

apply the model to the Mg-calcite system. This model is quite straightforward in 

that it only requires the change in energy of the system due to mixing in order 

to evaluate the component activities. This is because of the assumptions on 

which the model is based, namely that the two components of the mixture are of 

similar size and packing structure, that mixing is random and homogeneous, that 

there is bonding interaction only between nearest neighbor pairs and there is no 

appreciable change in volume due to mixing. The solution of the model for the 

activity of component 1 is 

a(1) = x(l)exp(Wzx(2)2/kT) (44) 

where x(1) is the mole fraction, W is the interchange energy defined in equation 

39, z is the number of nearest neighbor pairs, x(2) the mole fraction of component 

2, k the Boltzman constant, and T the temperature in degrees Kelvin. For an Mg

calcite of known composition we need only to determine W the interchange energy. 

From equation 39 

W = w(1,2)-1I2Cw(1,l) + w(2,2» (38) 

where w(1,2) etc are the pairs potentials of the component and mixed pairs. The 

pair potential is the change in energy when the pairs are brought from infinite 

separation to their equilibrium distances in the mixture. For an ionic solid this is 

an electrostatic potential given in equation 35. Writing this for the pairs in the 

Mg-calcite mixture we have 
2 

w(i,i) = ql*q2*(4ie:o)/r (35) 

where ql, q2 are the charges of each ion and r is the distance between them. 

Following the regular solution model we will consider only the nearest neighbor 

interactions, that is between Ca +2 and the nearest oxygen. Studies indicate that in 

calcite the charge on the Ca, 0, and Care +2, -I, and +1 respectively (Reeder). 

The expression for the activity of the MgC03 and CaC03 components of 

the Mg-calcite solid solution is 



a(1) ~ x(1)exp(Wzx(2)2/kT) 
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(44) 

Table 4 gives the data used to evaluate the solution models. Experimental lattice 

distances are found in Reeder, 1983. Calculated M-O distances are with the help 

of Michael Bruck of the University of Arizona Department of Chemistry. 

The activity of the solution components expressed in equation 44 is 

calculated from the ion charges, the value for z, the number of nearest neighbors 

in the crystal lattice, which is 6 for the calcite structure, the interchange energy 

W, which is determined from w(iO (equation 35) using equation 38, and the M-O 

distance, r, from Table 4. 

Table 5 shows the results of the regular solution model for the Mg-calcites. 

B. Results of the Quasi-Chemical Model 

An important modification of the regular solution model originally developed 

by Hildebrand is Guggenheim's quasi-chemical model which was introduced in 

chapter 3. The derivation of the model can be found in Guggenheim and 

McClelland. The final expression for the activity of the components is 

a(1) = xU )*{(b+ 1-2x(2))/(x(1)(b+ l)}zl2 (55) 

where 

b = (1 +4x(2)x(1)(exp(2W IkT)_1)}1I2 (56) 

Table 6 gives the results of the calculations using the quasi-chemical model 

for the Mg-calcites. 

C. Results of the Volume Fraction Model 

The second published modification of the regular solution model is the volume 

fraction model of Scatchard. The form of the expression for the activity is the 

same except that the mole fractions are replaced by volume fractions. This is 

intended to correct for unsymmetrical mixtures in which the component molecules 

are not the same size. The expression for the activity is 

a(1) = v(1)exp(Wzv(2)2/kT) (57) 

where vO) and v(2) are the volume fractions of components 1 and 2 in the 

mixture. The results of calculations for this expression are not significantly 

different from those of the regular solution mole fraction model which are given 

in Table 5. 
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D. The Results of the Solid Solution Model 

The solid solution model developed in chapter 3 can be solved by evaluating 

the derivative of ~G(mixing) with respect to the change in composition of the 

components. This expression d~G(mixing)/dn can be evaluated graphically. 

To calculate ~G(mixing) 

~G(mixing) = ~U(mixing) + T~S(mixing) (39) 

U is the lattice energy defined in equation 50. The value of the Madelung 

constant used is 2.56. ~U(mixing) is defined in equation 51. The change in 

entropy due to random mixing is 

~S = -Rn(1)lnx(1) + n(2)lnx(2) (58) 

The slope of the plot of ~G vs dn(1) represents the derivative with respect 

to the number of moles of MgC03 • Figure 2 shows the graph of ~G vs 

dn(MgC03 ). The slope of the curve at the compositions of the Mg-calcites stu.died 

gives the derivative d~G/dn. The activity of the components of the solid 

solution from the solid solution model is 

a(1) = exp[d~G/dn(l)/RTl (54) 

Table 8 gives the values of the derivatives and the activities. 
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Table 4. Composition and M-O Distance in Mg-calcites Calculated from 

Experimentally Determined Lattice Dimensions. 

Composition M-O distance(m-10) 

calcite 2.359 

1.8%Mg 2.354 

3.9%Mg 2.350 

5.7%Mg 2.343 

8.0%Mg 2.337 

12.5%Mg 2.325 

15.0%Mg 2.318 

17.6%Mg 2.312 

19.7%Mg 2.308 

21.8%Mg 2.305 

23.8%Mg 2.301 

magnesite 2.101 

Table 5. Regular Solution Model Calculations for Mg-Calcites 

composi tion wUi)(xlO-18]) We]) a(MgC0 3 ) a(CaC0 3 ) 

calcite -1.8656 

1.8%Mg -1.8696 1.0158xl0-19 5.74 xl065 1.030 

3.9%Mg -1.8727 1.0740xlO-19 2.39 x1061 1.22 

5.7%Mg -1.8783 1.0181xl0-19 1.16 xl056 1.53 

8.0%Mg -1.8832 9.6984xlO-20 7.34 xl050 2.27 

12.5%Mg -1.8929 8.7265xl0-2O 2.46 xl041 6.38 

15.0%Mg -1.8986 8.1548xl0-2O 2.97 xl036 12.3 

17.6%M~ -1.9035 7 .6621xl 0-20 1.51 xl032 26.2 

19.7%Mg -1.9068 7 .3322xl 0-20 1.67 xl029 50.8 

21.8%Mg -1.9093 7 .0840xl 0-20 5.77 xl026 105 

23.8%Mg -1.9126 6.7521xl0-2O 1.57 xl024 201 

magnesite -2.906 
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Table ~ Quasi-Chemical Model Calculations for Mg-calcites 

composition b a(MgC03 ) a(CaC03 ) 

1.8%Mg 1.23 xlO11 3,086 1.04 

3.9%Mg 8.30 xl010 657 1.08 

5.7%Mg 2.55 x1010 308 1.12 

8.0%Mg 9.26 x109 156 1.18 

12.5%Mg 1.06 x109 64.0 1.31 

15.0%Mg 2.87 xl08 44.4 1.38 

17.6%Mg 9.24 xl07 32.2 1.47 

19.7%Mg 4.33 xl07 25.8 1.55 

21.8%Mg 2.46 x107 21.0 1.64 

23.8%Mg 1.13 xlO 7 17.7 1.72 

Table ~ ~G(mixing) for Mg-Calcites 

composition Ux106 J ~U J T~S J AG J 

calcite -3.015 

1.8%Mg -3.022 265 222 425 

3.9%Mg -3.027 3,010 415 2,594 

5.7%Mg -3.036 545 562 -16.5 

8.0%Mg -3.044 1,344 734 609 

12.5%Mg -3.059 2,502 1,044 1,458 

15.0%Mg -3.069 2,597 1,206 1,391 

17.6%Mg -3.077 4,698 1,369 3,329 

19.7%Mg -3.082 7,864 1,498 6,365 

21.8%Mg -3.086 12,889 1,626 11,263 

23.8%Mg -3.386 

(note that the value for 3.9%Mg is well out of a smooth curve fitting the points 

This appears to be an experimental error in determining the lattice demensions) 
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Table 8. Component Activities from the Solid Solution Model 

composition dAG/dnCMgC03 ) aCMgC03 ) dAG/dnCCaC03 ) aCCaC03 ) 

1.8%Mg 1.79xl03J 2.05 -8.33xlOo Loa 
3.9%Mg 2.50xl03 2.74 -1.42xl02 0.94 

5.7%Mg 3.91xl03 4.83 -2.71xl02 0.90 

8.0%Mg 6.67xl03 14.7 -4.44xl02 0.84 

12.5%Mg 2.llxlO'" 4.88xl03 -7.82xl02 0.67 

15.0%Mg 2.73x104 5.99xlO" -1.29xl03 0.59 

17.6%Mg 5.75xlO'" l.l7x1 010 -2. 78xl 03 0.33 

19.7%Mg 9.33xlO-l 2.24xl016 -5.08xl03 0.13 

21.8%Mg 2.20xl05 49xE038 
00 0.00 

23.8%Mg 2.39x105 7.75xl041
00 0.00 
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CHAPTER FIVE 

Discussion of Results 

A. Regular Solution Model 

The activity of MgC03 calculated for the Mg calcite solid solution using the 

regular solution model is very large. It is so large that it would not be possible 

for the solid solution to form from an aqueous solution assuming equilibrium 

between solid and solution. However these solids do exist, they do precipitate 

from &olution, and their solubilities are comparable to those of the end members, 

CaC03 and MgC03 , at least within a few orders of magnitude for the minor 

component. The solubility of the Mg-calcites, however, has not been clearly 

defined and remains an unsettled issue in the literature. 

The conclusion from the regular solution model calculations for the Mg

calcites is that either the the Mg calcites behave the way the model predicts, 

which they do not, or the the model is wrong, that is, it does not describe the Mg 

calcite solid solution. It is necessary to look at the regular solution model and see 

where it fails to desr.ribe the Mg-calcites. The core of the model is the 

quantitative expression for the change in energy when a ne8rest neigh'.:;~" pair of 

one component is introduced into the other component lattice. The regular 

solution model was originally developed to describe the behavior of mixtures of 

liquids, in which there is some structure so that a constant number of nearest 

neighbors could be determined, but where there is enough flexibility to the quasi 

lattice to allow each pair to maintain its own character. That is, in the mixture 

there are distinct 1,1 pairs, 2,2 pairs and 1,2 pairs, and each has a different pair 

potential energy. Thus when one 1,1 pair and one 2,2 pair mix to form a solution, 

two 1,2 pairs are created, and the change in energy per 1,2 pair formed W is 

W = w(1,2) - 1I2(w(1,I) + w(2,2» (38) 

This is the correct interchange energy for polar liquid molecules where the 

bonding energies are short range dipole - dipole and induced dipole forces. 

This is not the correct description of an ionic solid where the electrostatic 

potentials are relatively long range, and the pair potentials are all eq uivalen t 

because of the rigid nature of the crystal lattice. The important point is that 

there are no longer different Ca +2_ C03
2 and Mg +2 - C03"2 pairs, with 
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different electrostatic pair potentials indicating different spacings in the crystal 

lattice. The lattice planes are generally equally spaced and the electrostatic 

potentials, which are dependent only on ion-ion distance, are all equivalent. 

The regular solution model, which assumes that the pair energies are distinct 

and short range, produces A,UCmixing) values that are too large when applied to 

the Mg-calcites. Because the activity is the exponential of the energy change, the 

activity values become extremely large when the energy change is overestimated. 

The result is calculated values for the component activ~ties that are impossible 

to achieve physically. Thus the regular solution model fails to properly describe 

the Mg-calcite solid solution. 

B. Quasi-Chemical Model 

The results of the quasi-chemical model for the Mg calictes are within a 

more reasonable range compared with those of the regular solution model, and at 

first glance it would appear that the quasi-chemical model of Guggenheim corrects 

for the mistakes of the regular solution model when applied to ionic solids. The 

quasi-chemical model does correct one inconsistency in the regular solution model. 

That is the assumption of random mixing when there is a change in bonding 

energy. Guggenheim's model corrects for this by treating the formation of AB 

pairs from AA and BB pairs as a chemical reaction for which the equlibrium 

constant can be expressed as the ratio of the partition functions times the 

exponential of the energy change divided by kT. The energy change, 2W, is the 

same as in the regular solution model. Thus the quasi-chemical model predicts a 

lower entropy due to some ordering among lower energy pairs, but uses the same 

interchange energy. The shape of the plot of activity of MgC03 vs composition is 

the same as for the regular solution model. It is the shape of an hyperbola 

decreasing with increasing MgC03 content. This is just the opposite of the 

modified regular solution model results and of all available experimental work on 

the aqueous solubility of Mg calcites. 

Even though the values calculated from the quasi-chemical model are 

within the proper range this seems to be an artifact of the mathematics. The 

activity is the exponential of the derivative of the Gibbs energy of the mixture 

with respect to the content of the component, and thus is extremely sensitive. 

Small changes in the energy or entropy changes on which the Gibbs energy is 
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based produce large changes in activities. This is unfortunately an unavoidable 

problem when working with activities. It requires some flexibility in the 

interpretation of results. 

The results of the calculations using the quasi-chemical model indicate that 

the higher entropy of random mixing is probably not correct. But the model does 

not account for the bonding energy of ionic solids, and thus is not appropriate for 

the Mg calcites. 

C. Solid Solution Model 

The purpose of the solid solution model is to correctly describe the energy 

change due to mixing for an ionic solid like the Mg- calcites. Instead of 

evaluating the short range bonding energy of each nearest neighbor pair, the solid 

solution model calculates the lattice energy per mole of mixture. Then the change 

in energy due to mixing is 

AU = (n(1) +n(2»U(1,2) - n(1)U(1) - n(2)U(2) (51) 

This expression is used to calculate the change in Gibbs free energy due to 

mixing. Then the free en erg:;' of the mixture can be determined and the derivative 

determined from the plot of AG(mixing) vs moles MgC0 3 and the activity of the 

MgC03 component calculated. 

I assumed that the entropy of mixing is accurately described by the original 

regular solution model. This assumes random mixing on the lattice sites. 

Table 8 gives the activity of MgC03 in Mg calcite solid solution calculated 

from the solid solution model. The MgC03 activity increases very rapidly from 

about 15% MgC0 3 • The activity values above the 15% level are very high, and 

indicate a change in the chemistry of the solid solution at that point. Again we 

must reason that if the model does not describe the behavior of the mixture then 

some part of the model must be wrong. In this case I present the hypothesis that 

above 15% MgC03 the mixing is not random, and that there is clustering of MgC03 

which lowers the lattice energy and the change in internal energy due to mixing, 

AU(mixing), lowers the change in entropy due to mixing AS(mixing) and thus the 

Gibbs free energy of mixing and of the mixture. This decreases th.;; slope of the 

AG vs moles MgC03 plot and reduces the activity of the MgC03 component. Even 

a few percent MgC03 clusters, that is pairs have the same ion -ion distances as in 

the MgC03 lattice, will significantly lower the mixing energy and the activity for 
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a mixture with 20% MgCO'3 content. This is a qualitative estimate of the extent 

of clustering. The effect of known amounts of clustering could be readily 

calculated. MacKenzie et aJ. (see Chapter 4, Mg Calcites, in Carbonates, Reeder 

ed.) note that short range disorder is not detectable in x-ray diffraction studies. 

Thus the possibility of clustl;lring may have been overlooked by investigators 

who prepared synthetic Mg-calcites and used x-ray diffraction peak shifts to 

estimate Mg content. 

As the Mg calcite solid solution increases in Mg content to the composition 

of dolomite, the ordering of the Ca +2 and Mg +2 ions becomes complete, and they 

separate into different layers. Some ordering probably begins at lower Mg 

contents and produces lower MgC03 activities than are predicted by the solid 

solution model. The log of the solubility product of dolomite is very nearly the 

sum of Ksps of calcite and magnesite. We could assume that the MgC03 clusters 

in the Mg calcite solid solution would behave more like magnesite in its standard 

state than the MgC03 component of the Mg calcite solid solution. This is how the 

MgC03 clusters lower the activity and solubility of the MgC03 component of the 

Mg-calcite solid solution. 



CHAPTER SIX 

Experimental Approach to Determining Component Activities in the 

Mg-calcites. 

A. Verification of Theoretical Models 
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In the previous section we have discussed several theoretical approaches 

to the problem of determining the thermodynamic activities of the components of 

the magnesian calcite solid solutions. In this section we will look at an 

experimental procedure for determining the same properties of the mg-calcites. 

It is sometimes thought that theoretical work is subje(~tive and arbitrary and 

in contrast experimental work is concrete and precise. We have seen that the 

regular solution model and the solid solution model discussed in this paper are 

based on thermodynamics and essentially attempt to give an expression for the 

Gibbs function of the mixture from which the chemical potentials and the 

activities of the components can be easily derived. Each of the models is based 

on certain assumptions about the system and the normal evaluation of a model is 

that if its predictions are correct then its assumptions are also considered 

correct. This of course mayor may not be true. 

One of the principle ways of evaluating a theoretical model of a system is 

to compare the predictions calculated from the model with measured experimental 

properties of the system. From this point of view it is necessary to attempt to 

measure the activities of the components of the Mg-cakites at different solid 

compositions and compare them with the values calculated from the solution 

models. It will become clear in the following discussion that experimental 

procedures and measurements are themselves subject in their evaluation to 

assumptions about the experimental system and of course to uncertainties in 

measurement. 

The problem is this paper is to determine the chemical potential, and thus 

the activity, of a component of a solid crystalline solution. This can not be 

determined directly. The basic approach is to find the system in equilibrium 

between two phases, and to measure the properties of one phase to infer the 

properties of the other. In the case of the Mg-calcites the chemical potential of 

the solid phase is the unknown, and the experimental procedure attempts to 
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equilibrium with the solid phase, and from these determine the solid phase 

chemical potentials. 

B. Dissolution Studies 
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One way to create a solid phase aqueous phase equilibrium is to partially 

dissolve the solid in water. Several investigators have attempted to determine 

the solubility of the Mg-calcites by dissolution experiments (Plummer and 

Mackenzie, Reeder, ed). One of the problems is in finding a suitable solid sample. 

Generally Mg-calcites of biogenic origin have been used. These however are often 

combinations of Mg-calcites of different compostions and thus is is impossible to 

create an equilibrium between the aqueous solution and a single solid phase of 

known composition. A second problem is that these materials dissolve slowly and 

the dissolution becomes incongruent precipitating solids of different compostion 

from the original sample. This also prevents the attainment of the desired phase 

equilibrium. 

C. Precipitation Studies 

A second way is to form the solid by precipitation from solution. If the 

solid is found to be crystalline and homogeneous and its composition can be 

determined the measured aqueous component properties at equilibrium can be used 

to determine the corresponding properties of the solid. Several investigators have 

formed such solids (Glover and Sippel, Kitano and Kanamori), but none have 

measured the corresponding aqueous solution properties .. 

A problem with the precipitation procedure is that as the solid precipitates, 

if the composition of the solid is not the same as the solution, that is the ratio 

of Ca/Mg is not the same in the aqueous solution and the solid, then as the solid 

precipitates the compost ion of the solution changes which creates the possibility 

of forming solids of different compositions. One of the initial assumptions is that 

the change of composition of the solution is not great and that the precipitation 

is rapid enough to insure the formation of a homogeneous solid. The basic 

assumption in this experimental procedure is that at the moment when the solid 

phase is precipitating from the aqueous solution the components of the solid 
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solution are in thermodynamic equilibrium with the corresponding components of 

the aqueous solution. The concentration of the aqueous components are measured 

directly, their activity coefficients are calculated using the Debeye-Huckel 

relations, and the activity of the component determined. The chemical potential is 

then the sum of the standard state chemical potential and natural log of the 

activity multiplied by RT. At equilibrium the chemical potentials of components 

in different phases are equal. The solid component standard state chemical is 

known and thus its activity can be determined. At equilibrium 

tL(solid) = ,u.(aq ueous) (59) 

tL°solid + RT*lnasolid = ,u.°aqueous + RTlnaaqueous (60) 

where ,u.0 is the standard state chemical potential. For the solid this is the molar 

Gibbs free energy of formation. For the aqueous component it is the state when 

the activity is one. 

tL(aq) = tL°(aq) + RT*ln(aaq) (61) 

= tL°(aq) + RT*ln('Y*m)(aq) (62) 

where '1 is the activity coefficient and m is the concentration. In order for the 

component to be in its standard state, that for the chemical potential to equal 

the standard state chemical potential the term on the right must be zero, that is 

the activity is one. This occurs when the activity coefficient and the 

concentration are both one. That is it is a hypothetical state of one molar 

concentration and ideal ('1 =1) behavior. The value for this can be determined 

from the sum of the Gibbs free energy of formation of the aqueous ions. 

The actual experimental method, which follows the procedure of Glover and 

Sippell, is to prepare solutions of MgClz-6H20 and CaCI2 -2HzO of various Mg/Ca 

ratios ranging from 1:1 to 20:1. NaHC03 is added to produce a supersaturated 

solution .. The mixture is stirred for two minutes and let stand for 150 minutes. 

The solution is filtered and the pH determined and then analyzed for C03"2 by 

titration with HCl to pH 4.5 endpoint. The aliquots of the supernatant solution 

are analyzed for Ca+2 and Mg+2 by atomic adsorption. The precipitate is air dried 

and examined by x-ray diffraction to determine its crystallinity and general 

composition. The precipitate is then redissolved and analyzed for Mg+2 and Ca+z 

to determine its composition. 

The free Mg +zand Ca +z in aqueous solution are determined from the total 

concentration mathematically using the MINEQL computer program which 



evaluates the concentration of complex ions in solution. The ion activity 

coefficients are determined from the measured ionic strength of the aqueous 

solution and the Debeye-Huckel relation. From this the activities of the 

aqueous components are determined and then those of' the solid soiution 

components. 
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In practice this above procedure does not yield the desired quantitative 

results. At the end of the abitrarily chosen 150 minute reaction period the 

solution is still preciptating or perhaps the initial precipitates have dissolved and 

repreci pi ta ted. 

Qualitatively the results are that a precipitate does form within 10 to 30 

minutes of mixing depending on the ratio of Mg +2/Ca +:! in solution. As the ratio 

increases the initial precipitate takes longer to form. As the ratio increases the 

amount of precipitate decreases. The appearance changes from a calcite like fine 

white powder to a slightly gray film that curls up when brushed or scraped from 

the sides of the plastic reaction vessel. The supernatant is filtered after 150 

minutes but continues to precipitate. 

The samples of the precipitate were dried and examined by x-ray diffraction. 

For low Mg +2/Ca +2 ratios the calcite line was distinct and shifted slightly, which 

is the indication of a well crystallized Mg-calcite. At higher ratios aragonite was 

often present along with a broadened and slightly shifted calcite peak. The 

results of the x-ray diffractions were not generally reproduceable. The only 

variable in the procedure is the cation ratio and the concentrations are set to 

provide several fold supersaturation. In the different runs for which the 

precipitates were examined by x-ray diffraction significantly differences in 

results were apparent. At times aragonite formed, while at other times calcite and 

an apparent low Mg calcite formed for the same Mg/Ca ratio in the initial 

solution. 

The difficulty in obtaining reproduceable results, which has been noted by 

other investigators when preparing synthetic low temperature Mg calcites (Glover 

and Sippel; Kitano and Kanamori; Reeder, ed.). The continuing precipitation from 

solution after the supernatants have been filtered and held for analysis indicates 

the degree of instability of the Mg calcite system. Because of this the attempt to 

obtain meaninful equilibrium data from the precipitation studies was not 

completed. 
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The fact is, however, that the Mg calcite precipitates do form. It is not 

clear whether they are homogeneous. This would have been one of the major 

assumptions in the precipitation study. It is not know precisely whether they are 

well crystallized. The point was noted earlier that short range disorder is 

not detected in the x-ray diffraction studies. They are clearly metastable 

with respect to calcite and/or aragonite on a geological time scale and to low Mg 

calcites on a laboratory time scale. The difficulty experienced in dealing with the 

Mg calcites experimentally adds importance to the theoretical approach which 

emphasizes the basiC chemical behavior of the mixtures. The Mg calcites are a 

potential component of any system containg Mg+2 and Ca+2 ions at the earth's 

surface in the presence of CO2 , Experimental studies so far have not produced an 

adequate understanding of their properties. 
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CHAPTER SEVEN 

Review of an Experimental and a Theoretical Study of Mg-calcites. 

A. Dissolution of Biogenic Mg-Calcites 

The authors of the many papers on the properties of Mg-calcites have not 

come to an agreement either on the properties of the Mg-calcites themselves or 

on the proper approach to the problem. The paper which has evoked the most 

response some of it even conti"oversial is "Equilibrium criteria for two-component 

solids reacting with fixed composition in an aqueous phase-example:the magnesian 

calcites" by Donald Thorstenson and Niel Plummer. The paper is a theoretical 

study based on the previous experimental work by Plummer and Fred Makenzie 

"Predicting mineral solubility from rate data: application to the dissolution of 

magnesian carbonates". There are several reasons why I feel it is appropriate to 

review these papers in the context of this study. First because the papers have 

already produced considerable response, but little of which has dealt directly with 

the methods and assumptions of the papers. Secondly because this is one of the 

few attempts to produce a theoretical description of the behavior of the Mg

calcites. And third because the paper of Thorstenson and Plummer was one of the 

factors which influenced me to work on the Mg-calcite system 

Both these papers are quite long and complicated and it will not be possible 

to review all the details of their methods and results. The reader is requested to 

refer to the original papers for the complete background on which my comments 

are based. The experimental study of Plummer and Makenzie was to determine the 

solubility of biogenic Mg-calcites. These were dissolved in water through which 

CO2 was bubbled. Analysis of the aqueous phase showed that the concentrations 

of Ca +z and Mg +2 both increase up to 70 hours after which a calcium rich phase 

precipitates, while the Mg+2 concentration continues to rise. In their analysis the 

authors made two major assumptions: one that the "equilibrium" (quotation marks 

are mine) pH r;ould be estimated by plotting pH vs t-1I2 (time raised to the minus 

one-half power) and extrapolating these plots to infinite time, two, that the 

composition 0f the dissolving solid phase could be determined by assuming 

congruent dissolution and measuring the composition of the aqueous phase. 

Problems arise with both these assumptions. The extrapolation to infinite 
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time assumes that the physical system actually does come to equilibrium and that 

instead of w'liting for it to do so it is simply more convenient to extend the 

initial time measurements to infinity. In the case of the Mg-calcites the system 

does not come the the desired stable or even metastable thermodynamic 

equilibrium within the time of the experiment. The high Mg-calcites of the 

biogenic skeletal material do not come to equilibrium with an aqueous solution

containing Ca +2, Mg +2, and C03"2. The solution is unstable and forms a precipitate 

which is high in Ca (and is probably aragonite). Thus there n~ver is a Mg-calcite 

equilibrium to measure. The precipitation approach to equilibrium between Mg

calcites and their aqueous phase has shown that there is a brief metastable 

equilibrium lasting only about two hours. The assumption that the dissolution of 

the biogenic Mg-calcite is congru.ent, that is that the Mg/Ca ratio of the solid is 

the same as the aqueous phase into which it is dissolving, completely ignores the 

properties of a non-ideal solid solution. If the two solid phases of the solid 

solution, CaC03 and MgC03 , dissolve in proportion to their mole fractions in the 

solid, so that the solid does not change composition and the ratio of Ca/Mg in the 

aqueous phase is the same as in the solid, then the solid solution is in a unique 

state (like the eutectic point of a melt mixture) where there is a speci.al 

relationship between the solid state activities and the equilibrium constants of 

the components. This will be shown more fully in the next section. Thus the 

congruent dissolution can not be a general thermodynamic property of any type of 

solid solution whether ideal or non-ideal. A third problem arises with the uses of 

biogenic Mg-calcites. These materials are a physical mixture of many Mg-calcite 

phases of different compositions. Plummer and Makenzie report a study shOWing 

numerous phases ranging from 10 to 48 mol% MgC03 are found in a single sample. 

Plummer and Makenzie recognize this situation and assume that the only most 

soluble phase is reacting and that the composition of the reacting phase can be 

determined by measuring the ratio of Ca/Mg in the aqueous phase and assuming 

congruent dissolution. Their analysis fails when dissolution is incongruent and, as 

is most probably the case, several phases are reacting simultaneously. From this 

brief critique it appears that there are serious problems in determining the 

solubility of the biogenic Mg-calcites by dissolution. 
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Saturation 
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Thorstenson and Plummer develop a theoretical treatment of solid solutions 

in their paper. They begin by explaining that the dissolution of the Mg-calcites is 

determined by kinetic considerations (although they do not discuss the kinetics of 

carbonate dissolution) and that because of kinetics restrictions the Mg-calcites 

dissolve without changing composition, even though this not the true 

thermodynamic representation. They use the term stoichiometric saturation to 

describe the case of a solid solution dissolving with constant composition and 

without stable thermodynamic equilibrium. To evalute the concept of 

stoichiometric saturation it is necessary to look more closely at its implications. 

The two components of the Mg-calcite solid solution each have their own 

chemical potential and equilibrium constants for aqueous dissolution. 

where ss refers to the component of the solid solution and a is the activity. 

Then 

(63) 

(64) 

The same relation holds for the MgC03 component. The ratio of activities of 

Ca +2 and Mg +'2 in the aqueous solution is 

a(Ca +2)/a(Mg +2) =(K(CaC0 3)/K(MgC03)] a(CaC03ss)/a(MgC03ss) (65) 

The activities can be written as the product of the concentration or mole fraction 

and the activity coefficient. 

x(CaC0 3ss)*f(CaC03ss)/x(MgC03ss)*f(MgC03ss) (66) 

If the solid dissolves without changing composition the the ratio of concentrations 

in the aqueous phase is the same as the ratio of mole fractions in the solid. Also 

the ratio of activity coefficients in the aqueous phase for the divalent cations is 

one as they are the same being determined only by their charge and the ionic 

strength.Thus equation 67 simplifies to 

(67) 

And 

(68) 
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(69) 

It is only this ratio of activity coefficients in Mg-calcite that allows for the 

dissolution to take place without a change in composition. 

Thorstenson and Plummer then give a mathematical derivation of the 

equilibrium constant under conditions of stoichiometric saturation. Their 

derivation rests on the assumption that the solid may be considered as a one 

component phase and the dissolution written as 

Ca(1-x)Mg(x)C03 = (l-x)Ca+2 + (x)Mg+2 + C03"2 

and the equilibrium constant expressed as 

Keq(x) = a(Ca +2P-x)*a(Mg +2)x*a(C03"2)/l 

(70) 

(71) 

where Keq(x) indicates that the equilibrium constant is a function of composition 

and the denominator of 1 indicates that the solid has an activity of one. If the 

solid acts as a one component phase (does not change composition) it is in its 

standard state and has an activity of one. We have seen however that this is not 

realistic on thermodynamic grounds, and that physically the system almost 

certainly does not behave this way. If the solid is not a one component phase 

(that is it does change composition during dissolution) then it is not proper to 

express the activity as a single value. The components of a solution have their 

own chemical potentials which are a function of the composition of the solution 

and they can not be arbitrarily combined into a single value without expressing 

that value as the sum of independent functions which depend on molecular 

interactions in the solid. 

Thorstenson and Plummer end their paper by calculating activities for 

the components of solid solution. This is not consistent with the assumption of 

stoichiometric saturation. Stoichiometric saturation implies strict activity ratios 

but they go on to calculate variable component activities. Their values are 

extremely large, and suggest either experimental errors or errors in analysis or 

both. 

In summary there are several flaws in these papers. In the experimental 

work the solution measurements do not reflect equilibrium. The chemical 

potentials of the components of the aqueous phase were equated to a solid phase 

of arbitrarily chosen composition based on the mistaken idea that the solids 

should dissolve congruently. I n the theoretical work the concept of stoichiometric 

saturation not only puts a strict limit on the component activities (and thus 

composition) of the system, but the concept itself does not reflect the actual 
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thermodvnamic properties or the physical behavior of the system. 
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CHAPTER EIGHT 

Summary and Conclusions 

A. Summary of Results 

From the analysis of the basic principles of solubili ty and the qualitative 

behavior of the Mg-calcites it is c1ea .• that in dilute solid solution (up to aboout 

15 mole % MgCO,) the MgC03 component has an activity coefficient greater than 

one (the standard state value and that of an ideal solution component). MagnesIte 

is about ten times as soluble as calcite when both are in their standard states. 

The solid solution model pre'dicts that in Mg-calcite solid solutions the MgCO? 

component is two to four orders of magnitude more soluble than It is in its 

standard state. The CaCO? component is slightly more doluble in Mg-calcite than 

in its standard state. 

The regular solution mocieal and its modifications, the quasi-chemical model 

and the volume fraction model do not correctly evaluate the interchange energy 

for an ionic solid and thus are not appropriate to model the component activities 

of the Mg-calcites. 

Precipitation studies on th Mg-calciites have not yielded consistent and 

convincing data. In general in the presence of ivlg +2 in solutlOn the form:J.tion of 

calcite is inhibited in favor of aragonite and low Mg-cvalcites. Thus the Mg

calcite solution is more soluble than calcite. Quantitative measurements have not 

been consistent because as the precipitate forms the solution may change 

composItion creating solid phases of different composition, the homogeniety of the 

solid solution is difficult to determIne precisely using x-ray diffraction, and due 

to the metastability of the higher Mg-calcites with respect to lower Mg-calites 

andlor calcite or aragonIte the results of precipitation :lre not readily 

reproduceable. 

In theory precipitation should produce a solid solutIOn In thermodynamIC 

equilibrium with an aqueous solution. If the composition of the aqueous solution 

has not changed significantly during the formation of the precipitate and the 

precipitate has not recrystallized so that the composition of the aqueous solution 

which is measured is actually the same as that from which the homogeneous 

preCipitate was formed, and if the parameters of temperature. time. solution 
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concentrations and ion ratios can be defined so that the results are reproduceable. 

then precipitation should provide the best approach to determining the 

thermodynamic properties of the Mg-calcites. 

Dissoiution studies have proved even more difficult to evaluate. Results 

vary depending on sample treatment; cleaned and annealed biogenic Mg-caicites are 

less soluble than uncleaned ones (Reeder, ed. Chapter 4), Because of the 

difficulty of determining the end point of the dissolution it is not clear if 

equilibrium is achieved. Further the biogenic Mg-calcites are not homogeneous nor 

do they have the same lattice spacings and cell volume as synthetic Mg-calcites. 

The general trend among investigators has been to express the solubility of the 

Mg-calcites as the lAP, ion activity product, 

lAP = 'l.(Mg +7)a(Ca +'2)a(CO?"") (72) 

which often includes the assumption of congruent dissolution, and ignores the 

different component activities and the necessity of a change in composition when 

thermodynamic equilibrium is established. It does not appear that the Mg-calcite 

compopnent activities will be determined from biogenic Mg-calcite dissolution 

studies. 

The solid solution model is presented as a thermodynamic model of the 

component activities of the Mg-calcites up to about 15 % Mg. The results of the 

calculations using this model for the Mg-calcites are consistent with the current 

experimental data. Figure 6 shows the average of several studies of Mg-calci te 

solubility where the solubility is expressed as the lAP of equation 7~ (Reeder. ed. 

Chapter 4).The model is also consistent with the qualitative analYSIS of the 

chemical behavior of the Mg-calcite solid solution. This model differs from 

Hidebrand's regular solution model (or the Bragg - Williams model given by 

McClelland) in the interchange energy term which must be modified to dc::;cribe 

the behavior of the components of an ionic solid solution. Above appro:dmately 15 

% Mg the model predicts unreasonably large activities for the MgCO, component. I 

propose that this IS due to MgCO:) clustering which lowers the lattice energy, and 

deviates from the random mixing assumed in the modified regular solution model. 

The linear relation of Mg content to catfon - oxygen distance changes at about 15 

% Mg and the slope decreases, Indicating closer spacing with increasmg Mg 

content. The change in ordering to the closer spaced and lower energy MgCOo 

structure of only a few per cent significantly lowers the predicted activity of 

the MgCO, component. 
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B. Conclusions 

There are two parts to the resolution of any problem. The first IS the 

manner of approaching the problem and the second is the results themselves. In 

considering the Mg-calcites the author feels that the proper approach to the 

chemical behavior of a crystalline solid solution is through equilibrium 

thermodynamics. These solid solutions are non-ideal and require a molecular 

energy term in order to fit within the framework of classical thermodynamics. 

Once the energy change can be quantified the following derivation is rigorous and 

consistent. I feel that this approach is the most fruitful way to understand the 

chemical properties of the Mg-calcites. 

In this final section the main noints of Mg-calcite chemistry will be evaluated 

using the results of the modified solution model. 

The model predicts the Increased solubility of the MgC01 component of an 

Mg-calcite solution. The apparent supersaturation of calcite in soils and some 

natural waters may be due to an equilibrium with low Mg-calcites where the 

increased solubility of the MgC03 component releases CO~2 into solution which IS 

then included in the evaluation of the calcite lAP and gives the appearance of 

calcite supersaturation. The model also is consistent with the observation that 

aragonite forms from solutions With Mg+2 ion In preference to calCIte, even when 

supersaturated with respect to calCIte. T!lC aragomte lattice structure does not as 

readily include Mg -~ .so Its solubility IS not changed, as is calcite. 

One of the reasons that e:~pertmental data IS inconSistent In descrtbing the 

precipitation of Mg-calcites and the calcite - aragonite - Mg-calcite equilibrium I:'; 

that the conditions under which the Mg-calcites are stable enough to provide 

equilibrium data is not known. If conditions of' \1g-calcite stability can be defined 

the experimental data will be available to evaluate theoretical solution models. 

In the dissolution of Mg-calcites the model predicts a difference In behaVIOr 

of cleaned and uncleaned surfaces. Since the activities of the components are 

different and that of ~v'lgCO, IS significantly greater, any washing on the samples 

will deplete the surfaces of MgCOo, thus lowering the apparent solubility in the 

subseauent dissolution. 

When biogenic \,lg-calcites contains several phases of different composition 

are dissolved the model predicts that the different phases will react 

i ndependentl y a nd wi II cha nge comnosi lion a nd that the resul ti ng aq ueous solution 
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may ce unstable with respect to a lower Mg-calcite or aragomte, and thus there IS 

no pomt at which there is thermodynamic equilibrium between a solid phase of 

known composition and an aqueous phase. 

The use of the concept of stoichiometnc saturation. which assumes Mg

calcites dissolve congruently. is clearly not the true thermodynamic description. 

Thus it can not be used to predict component activities. It is possibe that when 

the ratio of solution volume to surface area of solid is large the more soluble 

component, \1gCOo, becomes depleted at the solid surface due to its hi~her 

;;olubility compared to CaCO, and from that point MgCO: and CaC03 dissolve in 

the same ratios as the composition. This would gIve the appearance of 

congruence, that is the dissolution products are in the same ratio as in the solid, 

but this is not the eauilibrium state .. and the solution oroperties can not be used 

'.J evaluate 1.n eautiiorium state. In cases where the volume surface ratio is small. 

for example In soil pore spaces the MgCO, component may be found in true 

equilibrium at significantly higher solubilites than would be predicted using the 

concept of stoichiometric saturation. 

The al.lthor feels that the LIse of the stoichiometric saturation concept has 

not been useful in the analysis of Mg-calcite behavior. and has prevented a sound 

appraoch to evaluf.ltion of thermodynamic equilibrium. 

The solid solution model within the range of composition up to 

aoproximatel',' i5 % ~gCOo appears to accurately describe the ciJemical behaVIOr 

8l t:1e Ylg-caicltcs. 0ue to the mathematical sensitivltv cf the model the resuits 

ieoend very ~reativ on the accuracy of the energy terms. Tile evaluation ~lven 

in this paper is based on electrostatic energies calculated from distance 

measurements. More accurate enert;y determinations will increase the precision of 

the calculated values. :'-Jeutron spectroscopy would a[1pear to give more accurate 

energy values. (Rao et 31. 1987) 

Even the qualitative information prOVided by this model gives reasonable 

explanations f.::r the major features of \1g-calcite chemistry. ':his 1::; the power sf 

a theoretical model. The author hopes that this paper will encourage further 

7develonment of Mg-calci te models. 
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