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ABSTRACT

Calcite is a common mineral phase in groundwater zones. Calcite influences

groundwater composition and pH, exhibits an appreciable surface area, and

can function as a sorbent for metallic cations and anions. This chapter

evaluates the sorption behavior of metallic ions on specimen calcite as a

basis for determining the importance of calcite relative to other subsurface

sorbents, such as layer silicates and oxides, in controlling metal ion con-

centrations in calcareous groundwaters. A review of the literature shows

the sorption of both metallic cations and anions on calcite over ranges in pH

and CO2 partial pressure to be consistent with a surface-exchange process

where cations exchange with surface Ca and anions exchange with surface CO3.

A general surface-exchange model was developed to account for the effects of

Ca and CO3 concentrations, pH, and calcite surface area on cation and anion

sorption onto calcite• The model was applied to recently developed experi-

mental sorption data of Zn e_d SeO3 on specimen calcite in equilibrium

CaCO3(aq) suspensions. The surface-exchange model was able to describe the

effects of pH on both cation and anion sorption, and provided good predic-

tions of the effects of variable C02(g) pressure on Zn sorption and of PO4 on

SeO3 sorption. The surface-exchange model, combined with sorption constants

for other phases, was used to calculate Cd sorption to a hypothetical aquifer

material containing a mixture of sorbents (i.e., calcite, amorphou_ iron, and

smectite). The sorbent concentrations were fixed to those expected in

groundwater zones. The multi-sorbent calculation documented the importance

of calcite as a sorbent for metallic ions in groundwater.



I. INTRODUCTION

Calcite (CaCO3(s))is a commonmineralphase in groundwaterzones.

Calcite is a matrix constituentof limestoneaquiferssuch as the Floridan

Aquifer (Plummer1977) and is a secondaryphase found in large regional

aquifers,such as the Fox Hills-BasalHell Creek Aquifer in the Dakotas

(Thorstensonet al. 1979),the Snake River Aquiferin Idaho and Oregon (Wood

aqd Low 1988), and the ColumbiaPlateauAquiferin WashingtonState (Deutsch

et al. 1982). Calcite is also a commonconstituentof small near-surface

aquifersthat often receivemetallic and organicpollutants (Toran1987,

Fullerand Davis 1987, Morin et al. 1988, Barker et al. 1988, Garland et al.

1988). Calcitefunctionsas a buffer for groundwaterpH and influences

groundwatercompositionvia its precipitation/dissolutionbehavior (Langmuir

1971, Plummer 1977, Butler 1982, Morin et al. 1988).

Metal concentrationsin calcareousgroundwatersmay be controlledby

solubilityor sorptionprocesses(see, for example,Fuller and Davis 1987,

Yanfulet al. 1988a, 1988b,Morin et al. 1988). Groundwatersin contactwith

calciteare typicallyin near equilibriumwith this solid, are elevated in pH

(pH 6.5 to 10.0 dependingon the C02(g) partialpressure),and containsig-

nificant concentrationsof bicarbonateand carborateions (Langmuir1971,

Plummer1977). The concentrationsof metal ions in these waters may be

controlledby solubilityequilibriawith metal carbonate,hydroxy-carbonate,

and hydroxidesolid phases,becausemany of these solids exhibit low solu-

bility and rapid precipitation-dissolutionkinetics. Examplesof such solid

phases include otavite, CdCO3 (Yanful et al. 1988a, Fuller and Davis 1987)

and hydrozincite, Zn5(CO3)2(OH)6 (Zachara et al. 1989). When the total metal
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concentration is insufficient to form a discrete metal-ligand solid phase or

when the aqueous metal concentrations are below those maintained by these

discrete solids, sorption to aquifer solids, including calcite, may regulate

metal concentrations. Such conditions often exist in calcareous groundwaters

that are downgradient or far-field from metal-containing waste sites.

Although calcite exhibits appreciable surface area in limestone and

calcareous sediments (Holford and Mattingly 1975), its importance as a

sorbent for metal ions in groundwate_ isnot well recognized nor established

through experiment. In this chapter, we review what is known about metal

sorption reactions on calcitel develop and evaluate a generalized sorption

model for metal cations and anions on calcite using recently measured sorp-

tion data, and perform calculations to evaluate the importance of calcite in

hypothetical mixed sorbent materials containing calcite, smectite (a 2:1

clay), and amorphous iron oxide.

2. METAL SORPTION ON CALCITE

2.1 Surface Properties of Calcite

The surface of calcite develops charge in response to the surface excess

2+ 2-
of the potential determining ions, Ca and CO3 iParks 1975, Foxall et al.

1979, Thompson and Pownall 1989). The point-of-zero charge (pzc) of calcite

has been reported to occur at pCa = 4.4 (Foxall et al. 1979) with the surface

exhibiting positive charge at Ca concentrations above this value and negative

charge at Ca concentrations below this value. Calcite, therefore, carries

predominantly positive charge below pH 9.0 in saturated calcium carbonate

solutions in contact with atmospheric C02(g) (pCO2 = 3.5 atm.). Some
z
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researchers have speculated that HCO3 , OH , CaOH+ and CaHC03+ ', exlst as

surface species on calcite and influence surface charge (Parks 1975,

Somasundaran and Agar 1967, Siffert and Fimbel 1984), but recent studi_s

using a streaming potential method suggest that Ca2+ 2-and CO3 alone are the

dominant surface species and that other solution species, including H+ and

OH-, have no significant effect on the surface charge (Thompson and Pownall

1989)

2.2 Sorption Behavior of Metallic Cations

A wide range of metallic cations have been shown to be sorbed onto cal-

cite (Table I). Sorption of metallic cations, Me2+, on calcite (Figure I)

increases with increasing pH, paralleling a decrease in the aqueous concen-

tration of Ca (Figure 2). The initial sorption of_metallic cations on cal-

cite appears, therefore, to occur by exchange with surface-associated Ca

(Kornicker et al. 1985, Zachara et al. 1988), as depicted by the following

reaction:

X-Ca + Me2+ _ X-Me + Ca2+ (I)

and shown conceptually in Figure 2. X is considered to be a cation-specific.

surface site quantifiable by isotopic exchange with 45Ca. Metal cation

adsorption in equilibrium CaCO3(aq) suspensions is influenced by I) pH and

pCO2, which control aqueous Ca concentrations (Figure 2, Zachara 1988), and

2) calcite surface area, which determines the concentration of cation-

specific surface sites (X, Figure 2). Low aqueous concentrations of Ca

promote Me surface exchange in accordance with the mass action expression of

equation (I).



While much of the data in Table i support the occurrence of a surface-

exchange reaction (equation i) for metallic cations, the molecular aspects of

this surface reaction remain unresolved. For example, it is not known if the

ion exchange occurs between dehydrated lattice ions or Within a hydrated

layer on the calcite surface with properties transitional between those of

the crystalline lattice and the aqueous phase (Davis et al. 1987, Zachara

et al. 1988) The adsorption data of Figure i indicate that matallic cations

adsorb to calcite at pH and pCa levels where the surface ce rries positive

charge, indicating that the X-Me2+ surface complex is not simply electro-

static in nature, but is stabilized through chemical interaction (Lyklema

1989).

Following the surface-exchange reaction, which is usually completed

within time periods of seconds to hours (Davis et al. 1987, Zachara et al.

1988), other phenomena specific to the metal cation sorbate and to the par_

ticular specimen of calcite have been observed to occur over time periods of

hours to days. These latter phenomena involve changes in the chemical bond-

ing of the Me2+ ion on the calcite surface, which influence the lability and

reversibility of the surface complex (X-Me). Calcites with unstable particle

energies and rapid recrystallization kinetics have been observed to trap the

sorbed ions in a recrystallized surface phase or solid-solution (Lorens 1981,

Davis et al. 1987, Zachara et al. 1989), limiting desorption and isotopic

exchange (Zachara et al. 1988). In the absence of significant recrystalliza-

tion, Cd and possibly Mn surface complexes appear to dehydrate forming a

discrete Me2+ .., Me2+surface precipitate (e g MeC03) or solid solution with

CaCO3 (e.g., MexCal_xC03) (McBride 1980, Davis et al. 1987, Zachara et al.

1990a). Other ions that do not precipitate readily as MeCO3 solids,
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including Zn° Co, and Ni, appear to remain as hydrated species on the calcite

surface and are desorbable in the absence of recrystallization (Zachara

et al. 1988, Zachara et al. iggoa).

2.3 Sorption of Inorganic Anions

The sorption of inorganic anions on calcite has not been extensively

studied (Table i). The sorption trend of the anion, Se03, on calcite (Fig-

ure 3, Cowan et ai. 1990a) is inverse to that observed for cations (Fig-

ure I), with the greatest sorption observed at lower pH. Anion sorption
i

parallels increasing positive charge on the calcite sorbent and decreasing

solution concentrations of carbonate ions (Figure 2). Analogous to metal

cation adsorption, anion sorption is, therefore, consistent with a surface-

exchange reaction between the aqueous anion (A2') and surface carbonate

species as depicted by the following reaction:

X'-CO 3 + A2" _-_ X'-A + C032" (2)

and shown conceptually in Figure 2. X' is an anion-specific surface site

by isotopic exchange measurements with H14C03. Like metalquantifiable

cations, sorbed anions can also be incorporated into recrystallized surface

layers on calcite (House and Donaldson 1986). Observations with phosphate,

however, indicate that only a small fraction of the surface-associated anion

that is associated with active crystal growth sites can be incorporated into

the dehydrated crystalline structure (House and Donaldson 1986).

2.4 Surface Exchange on Calcite and Other Sorbents

The surface-exchange reactions postulated for metal cations and anions

on calcite (equations I and 2, Figure 2) are consistent with many



experimental observations made using calcite and other salt-type solid

phases. Auger analyses and isotopic exchange measurements have shown that

the outer several atomic layers on the surface of calcite are in exchange

equilibrium with the electrolyte solution with which it is in contact (Moller

and Werr 1972, Moller 1973, Moller and Sastri 1974, Mucci and Morse 1985).

Isotopic exchange measurements using lattice constituents are commonly made

to _,stimate surface area of salt-type minerals (Inks and Hahn 1967, Kukura

et al. 1972), suggesting that surface ions are exchangeable. Selective ion

exchange reactions have been reported between the surfaces of sulfate and

phosphate minerals and aqueous solutes in both trace and major concentrations

(Lieser et al. 1966, Lin et al. 1981, Jonasson et al. 1988, Pate et al.

1989).

3. GENERALIZEDSURFACE EXCHANGEMODEL

Althoughmetal cation and anion sorptionon calciteis consistentwith

a surface-exchangereactionbetweenaqueous speciesand surface-associated

Ca2+
C032-,this hypothesishas not been evaluatedusing modeling tech-

and

niqueswhere the joint effectsof solutionspeciationand the surface reac-

tion could be assessed in relationto pH and Ca2+ and C032" concentrations.

To furtherevaluate the plausibilityof the exchangeprocessas depicted

conceptuallyin Figure 2, metal cation and anion sorptiondata on calcite

over a range in pH were modeledusing a computercode incorporatinghydro-

lysis,acid dissociation,and aqueouscomplexationreactionsas well as

surface-exchangehalf-reactions. The objectiveof this modelingwas to

describethe initialreactioninvolvedin the sorptionof solute ions on the



calcite surface. No attempt was made, at this point, to include reactions

that may follow surface exchange, such as surface precipitation or solid-

solution formation. With the exception of House and Donaldson (Ig86), Davis

et al. (1987), and Comans and Middelburg (1987), there have been no compre-

hensive attempts to model solute sorption reactions on calcite.

3.1 Metal Cation-Exchange Model

The cation-exchange model is based on exchange half-reactions that

describe the surface reaction of the metal cation (Me2+) or Ca2+ with the

cation-specific surface sites, X, on the calcite. The exchange half-

reactions for Ca2+ and Me2+ are given as

Ca2+ + X ._ X-Ca KCa

and

Me2+ + X *. X-Me KMe

respectively. The overall surface-exchange constant between Ca and the

metal is calculated from the difference in the half-reaction constants; that

is, log Kex : log KMe- log KCa in accordance with equation (i). No attempt

was made to charge balance the half-reactions because the charge character-

istics of the surface-exchange sites, X, and the surface-exchange complexes

(X-Ca, X-Me) were not known. The overall exchange reaction is, however,

chargebalanced.

The details of the method used to determine the half-reaction constants

for the metal cations shown in Figure I are given in Zachara et al. (1990a).

The half-r_action constants were determined using the FITEQL program (Westall

1982a, 1982b), and the number of cation-specific exchange sites, Xt (3.42 x

10-6 mol/g), was estimated by isotopic dilution using isotopic exchange data
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of 45Ca on CaCO3(s) over a range in pH values (Zachara et al. 1990a). The

effects of pH and solution speciation of Ca and the metal cation are

accounted for by including solution complexation reactions and associated

constants like those shown in Table 2 for Ca and Zn. The solution composi-

tion for each of the sorption experiments was assumed equal to that measured

in calcite-saturated solutions of approximately the same pH. The activity of

the Ca ion in solution was fixed (based on the measured aqueous Ca concentra-

tions), and the ionic strength was set at its approximate analytical value

(0.i M). The half-reaction constant for Ca (i.e., log Kca = 15.5) was fixed

to ensure that essentially all the surface sites were occupied by Ca or the

metal cation and to ensure that the concentration of "free" or unoccupied

sites (X) was very small.

The half-reaction model using Me2+ as the only sorbing species (e.g.,

reaction of the form X-Ca + Me2+ *_ X-Me + Ca2+) was able to quantitatively

describe the pH-dependent sorption of all the metallic cations in Figure I

(Ba, Sr, Cd, Mn, Co, and Zn) except Ni (Zachara et al. 1990a). An example is

shown in Figure 4 for 10-7 M Zn (pCO2 = 3.5 atm.). The overall exchange

constant for the reaction at 10-7 M Zn (log KMe- log Kca) was 2.45, and its

positive value signifies strong preference of the CaCO3 surface for Zn. In

contrast, quantitative description of the sorption edge data of Ni required

the use of two sorbing species (Ni 2+ and NiOH+), each with different exchange

constants (Zachara et al. 1990a).

The robustness of the surface-exchange model was first evaluated by

testing the ability of the exchange constant developed using the data in

Figure 4 to predict the measured adsorption of 10-7 M Zn at i) different

partial pressures of C02(g) and 2) different initial concentrations of X-Ca

8



Jr e

I

(e.g., CaCO3 solids concentration). The exchange constant from Figure 4 was

able to closely predict the measured sorption of 10-7 M Zn on a second

calcite specimen at three different levels of pCO2 after the different

surface area of the two calcite sorbents was taken into consideration

(Figures 5a, b,c). The ability to predict the influence of C02(g) based

solely on mass action effects with Ca (e.g., C02(g) effects on Ca activity

through the CaCO3 solubility constraint)and differing Zn aqueous speciation

indicates that equation (i) is an accurate, first approximation of the

exchange process. Electrostatic effects related to charge on the calcite

surface appear to be Second order. The exchange constant from Figure 4 also

provided good predictions of Zn sorption at lower X-Ca (i.e., I0 g/L, Figure

6a), indicating constancy of the exchange constant over at least a limited

range in Zn sorption density.

The ability of the exchange constants calculated for 10-7 M Zn to pre-

dict Zn sorption at 10-6 M initial concentration on a second calcite specimen

was also evaluated as a further test of the exchange model. The 10-7 M Zn

exchange constants accurately predictedthe placement of the sorption edge at

pCO2 = 3.5 atm. (Figure 5d), but overpredicted sorption at pCO2 = 2.5 atm.

and 4,5 atm. (Figures 5e,f). Zn sorption at 10-6 M initial concentrations in

a low surface area calcite suspension was also significantly overpredicted by

the 10-7 M Zn constant (Figure 6b). A new exchange constant of lower inten-

sity (log Kex = 2°2) that was fitted to the I0 "_ _ sorption edge with pCO2 =

3.5 atm. gave much-improved but still imperfect predictions of Zn sorption at

different pCO2(g) levels and solids concentration (Figures 5e-g).

The discrepancies between predictions and experimental observations in

Figures 5 and 6 are caused by decreasing selectivity of the CaCO3 surface for

9



Zn with surface loading and are not indicative _f a departure from equa-

tion (i). Zn sorption/exchange isotherms on calcite are nonlinear (Zachara

et al. 1988, Zachara et al. 1990a), and conditional exchange constants calcu-

lated for 10-7 M Zn in Figure 4, therefore, greatly overpredict the sorption

isotherm at initial Zn concentrations of 10-6 M and above (Zachara et al.

1990a). A po;ver-exchange model requiring two constants is nee#ed to

d_scribe Zn sorption over a range in surface loading (Zachara et al. 1988).

This selectivity decrease is specific to Zn and is not observed for other

metallic cations (Zachara et al. 1990a).

3.2 Metal Anion Exchange Model

Anion (A2") sorption on calcite can be described using a half-reaction

approach based on equation (2) and analogous to that used for metallic

cations. The rgactions are

C032"
+ X' *_ X'-CO3 KCO3

HCO3 + X' *_ X'-HCO3 KHC03
and

A2 KA
" + X' _ X'-A

where X' is an anion-specific surface site. The half-reaction approach for

anions differs from one for metallic cations in that two surface-saturating
u,

species (C032- and HCO3 ) must be explicitly considered to successfully

describe anion sorption data (Cowan et al. 1990a). Thus, the surface

exchange process is, at minimum, a ternary exchange reaction. Bicarbonate

must be considered as a surface-reactive species and competitor with A2"

because it is the dominant carbonate solution species over most of the pH

range of environmental interest (Figure 2). lt is recognized, however, that

10



a recent study suggests that only Ca2+ and C032" exist as exchangeable

species on the surface of calcite (Thompson and Pownall 1989). As performed

for the metallic cations, the surface-exchange constants between C032" ,

HC03", and the anion (A2") are calculated from the difference in the half-

reaction constants: that is, log KexI : log KA - log KCO3 and log Kex2 : log m

KA - log KHC03.
An example of the half-reaction exchange approach described above is

provided for SeO3 sorption on calcite in the absence and presence of PO4.

The sorption data and modeling approach for this example have been presented

in _etail in Cowan et al. (1990a). The set of half-reactions for CO3 and

SeO3 species that gave the best approximation to the sorption data ef SeO3 as

a single sorbate in Figure 3 using the chemical equilibrium program FITEQL

is given in Table 3. The fit o'f these half-reactions to the data is shown in

Figure 7. For these calculations the total number of anion-specific surface

sites, X't, for calcite in CaCO3(aq) sol,,tions.. (2.06 x 10-6 M/g) was esti-

isotopic exchange of H14C03 (Cowan et al. 1990a). Because it was
mated from

hypothesized that SeO3 sorption was an exchange reaction with surface-

associated carbonate, the value of the C032" exchange constant was chosen to

by
m

ensure that all the surface sites would be occupied either C032"/HC03
or

SeO_2"/HSeO 3" and that the concentration of "free" or unoccupied sites wouldJ

be very small.

Removal of the effects of CO3 or SeO3 ionization from the exchange con-

stants (Table 3) indicated that the exchange of HCO3 was stronger than the

C032", and the ex'change of Se032" was slightly stronger than theexchange of

HSeO3exchange of . The difference between the exchange constants for C032"l

m

and HCO3 was significant because assuming equal selectivity between the two
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surface CO_ species resulted in inaccurate predictions of the measured sorp-0

tion (not shown). However, assuming equal selectivity between the Lwo SeO3

constants did not result in significant differences in the predictions,

suggesting tD,at SeO3 may exist on the surface as a single species. The
m

HCO3 surface species (X-HC03") was calculated to predominate on the CaCO3(s)
7 -6

surface over the entire pH range (v_otshown). For both 10-' and 10 M

initial SeO3 concentrations, the Se032" surface species accounted for most of
m

the SeO3 adsorption over the entire pH rarlge,although the HSeO3 surface

species contributed at the lower pH values (Figure 7).

Like SeO3, PO4 sorption on calcite as a single sorbate could also be

described as an exchange process between surface-associated HC03-/C032"

(Figure 8a, Cowan et al. !ggOa). Unlike SeO3, however, the dor,.incntsurface

species of PO4 was the complex CaHPO4. House and Donaldson (1986) also con-

cluded that CaHPO4 was the dominant sorbing species. Phosphate is known to

sorb strongly on highly energetic surface sites on calcite associated with

crystal growth (Reddy 1977, Walter and Burton 1986, Busenburg and Plummer

1989). The surface-exchar_geapproach used for PO4 in Figure 8 requires no

specific assumption or hypothesis regarding the degree of hydration or

bonding in the surface complexes (X'.-_'_4' X'mCaHP04)"

Binary solute sorption experiments with mixtures of PO4 and SeO3 showed

that POd reduces SeO3 sorption on calcite (Cowan et al. 1990a). The c.ompeti-

rive sorption of the two anions is consistent with a mass action effect where

both PO4 and SeO3 are binding to the same group of sites. The fitted

exchange constants for PO4, Se03, and CO3 species on CaCO3(s) derived from

single sorbate-sorption data (Table 3) were able to predict the resulting

SeO3 sorption in the presence of PO4 quite well (Figure 8b). This good

12

-



agreement coniirmed that exchange reactions involving the three components

could explain the observed decrease in SeO3 sorption in the presence of P04.

S_milarly, SO4 was also found to reduce SeO3 sorption, and its effects could

also be predicted with single sorbate-exchange constants (Cowan et al.

1990a). The sorption of PO4 did not result in i:i reduction in the sorption

of Se03 because surface binding sites were in excess. The sorption of SeO3

was reduced by only 1.5 x i0 "I0 mol/g, while the amount of sorbed PO4 was 8.9

x i0 "7 mol/g.

3.3 Exchange Versus Solid Phase Formation

The use of surface-exchange reactions to successfully describe the

sorption of cations and anions on calcite does not presuppose a specific

molecular nature of the surface complexes. Exchange reactions can be

employed to describe replacement reactions between hydrated ions on layer

silicates or between components of a solid solution (Sposito 1981), such as

CaC03(s)/CaSeO3(s) or CaC03(s)/ZnC03(s). As argued by Sposito (1984), the

fact that the ion activity product (IAP) for a solution is below the solu-

bility product of the pure phase and that the sorption conforms to an

adsorption isotherm are not sufficient evidence to eliminate coprecipitation.

In fact, both adsorption and co-precipitation can result in an IAP below the

solubility product for the pure solid phase. The ability of two substances

to form solid solutions is determined primarily by geometrical factors (Evans

1966). If two substances have similar structures and if the radii differ by

no more than 15_ of the smaller, then a wide range of solid solutions can

Physically, Se032" and C032" are similar in structure
occur (Evans 1966).

and size, and thus could be readily exchanging and forming a solid solution

13



en the surface. Even if substances differ in structure, as do PO43- and
2-

CO3 , solid solutions can be formed, but their composition will be more

limited (Evans 1966). Thus, although the sorption of these ions can be

modeled by exchange reactions, this is not evidence for the presence of

hydrated surface complexes on the CaCO3(s) surface.

4. IMPORTANCE OF CALCITE AS A SORBENT IN AQUIFER MATERIALS

Natural soils and aquifer materials are composed of a mixture of mineral

and organic material spanning the clay, silt, sand, and gravel size range

(Ainsworth and Zachara 1988 and references therein). Clay- and silt-sized

materials typically dominate the sorptivity of an aquifer material for

metallic anions and cations because most of the surface area of the porous

media is associated with the smaller size fraction material (Zachara et al.

1989, Zachara et al. 1990b). Crystalline and amorphous oxides of Fe and Mn

and layer silicates, such as smectites, illites, vermiculites, and

kaolinites, have been consistently implicated as the clay or silt-sized

material that dominates metal ion sorption in soil and aquifer sediments

(Means et al. 1978, Bruggenwert and Kamphorst 1979, Jackson and Inch 1983,

Sposito 1984, Stollenwerk and Grove 1985, Kent et al. 1988, Evans 1989, Loux

et al. 1989) o The relative importance of oxides versus layer silicates

within a given aquifer material depends on many complex variables including

sorbent site concentration (Luoma and Davis 1983), presence of strongly

sorbed indigenous ions (Zachara et al. 1989), pH (Sposito 1984), electrolyte

composition and ionic strength (e.g., Ca versus Na, Bowman et al. 1981,

Elrashidi and O'Conner 1982, Hayes and Leckie 1987), as well as the

14



crystalline nature and chemical composition of the layer silicate and oxide

sorbents (Ainsworth et al. 1989, Zachara et al. 1990b).

While this chapter has shown that specimen calcite sorbs both cations

and anions, the importance of calcite as a sorbent relative to oxides and

layer silicates remains in question. Most studies with natural materials

containing calcite have implicated it as an important sorbent (Fuller and

Davis 1987, Dudley et al. 1988, Goldberg and Glaubig 1988a, 1988b,

Papadopoulos and Rowell 1988), while still others have suggested that

calcite is not a major contributor to sorption (Ryan et al. 1984, Neal et al.

1987, Borr'ero et al. 1988). To evaluate the conditions under which calcite

may be an important sorbent for metallic cations, model calculations were

made for Cd sorption on a hypothetical aquifer material containing amorphous

iron oxide, smectite clay, and calcite. The calculation was performed using

I) the calcite surface-exchange model discussed earlier in this chapter, 2) a

non-electrostatic surface-exchange model for amorphous iron oxyhydroxide

(Cowan et al. 1990b), and 3) an ion-exchange model for the basal plane sites

on smectite (Zachara et al. 1990b, 1990c). Ali three models describe the

sorption process in a conceptually similar manner using exchange half-

reactions (see Table 4).

The sorbent site concentrations for the hypothetical aquifer material

were a surface area of 2.2 m2/g of calcite, a cation exchange capacity of

1.0 meq/lOOg as smectite, and a NH2-HCI extractable amorphous iron oxide

content of 0.014 and 0.0014. Calcite was assumed to exhibit a site concen-

tration of 8.31 x 10-6 mol/m 2 (Moller and Sastri 1974), and the entire

extractable amorphous iron oxyhydroxide surface was assumed to be available

for Cd complexation and to exhibit a site density as reported by Davis and
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Leckie (1978). The sorbent concentrations were not actual measurements on a

single aquifer material, but were based on analyses of many relevant

subsurface materials presented in Holford and Mattingly (1975), Borrero et

al. (1988), Davis et al. (1987), and Loux et al. (1989). The aquifer

g/cm3material was assumed to have a bulk density of 1.5 and a particle

density of 2.65 g/cm 3. The test calculation is very sensitive to the assumed

sorbent concentrations.

Cadmium was used for the test calculation because a consistent set of

constants was available for its surface exchange on all three sorbents from

high Ca electrolyte solutions where the competitive effects of Ca had been

explicitly addressed. Cd is a very strongly sorbed ion on calcite (Davis

et al. 1987, Zachara et al. 1990a), and its use in the test calculation will

therefore demonstrate a maximum effect for the importance of calcite as a

sorbent. While the surface exchange reaction for Cd on calcite given in

Table 4 very accurately describes Cd sorption over a range in pH, it must be

recognized that the surface-exchange complex apparently dehydrates rapidly,

as Cd is poorly desorbable (Zachara et al. 1990a). The equilibrium

calculation presented here must, therefore, be viewed within context of this

irreversibility. The model calculations were performed with an initial Cd

concentration of 10-5 M in equilibrium CaCO3(aq) solutions over the pH range

of approximately 7.0 to 9.5, with ionic strength of approximately 0.I M

(Table 5).

Cadmium was calculated to be strongly sorbed in this hypothetical
i

calcareous aquifer material (Figure 9). Under the assumed conditions of the

calculation, only calcite and amorphous Fe are important sorbents. Amorphous

Fe is a dominant sorbent for Cd in the simulation in spite of the competition
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with Ca, which has been shown to suppress Cd sorption (Cowanet al. 1990b).

The high Na and Ca concentrations in the equilibrium CaCO3 solutions suppress

Cd sorption onsmectite through ion-exchange mass action; similar results

have been reported experimentally (Zachara et al. 1990b, 19g0c). While both

amorphous Fe and calcite sorb Cd (Figure 9), calcite out,competes the

amorphous Fe for Cd at higher pH where Ca concentrations are low. The pH

region where calcite predominates as a sorbent is related to its total site

concentration (governed by its exposed surface area) relative to the total

site concentration of amorphous Fe in the _quifer material. As shown in

Figure 9a, amorphous Fe predominates as a sorbent over a greater range in pH

when it is present in equal total site cencentration to calcite. Calcite, in

turn, is the dominant sorbent when its site concentration exceeds that of

amorphous Fe (Figure 9b).

The multisorbent model calculation underscores the need for accurate

site concentration measurements of different sorbents in a aquifer material

to understand and predict metal ion sorption. Such measurements, which are

currently problematic and often times ambiguous, are the focus of ongoing

research. For example, while the total moles of amorphous Fe may be esti-

mated by chemical extraction with NH2OH-HCl(Chao and Zhou 1983), translating

moles of extractable Fe into a site concentration is problematic because the

effective surface area, accessibility, and surface site saturation of the

amorphous Fe in the aquifer material are not known. Similarly, the site

concentration of CaCO3 in an aquifer material may be estimated by isotopic

exchange with 45Ca or H14C03 (Holford and Mattingly 1975, Inks and Hahn

1967), but ambiguities arise because corrections must be applied for the
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exchange of these same tracers on other mineral surfaces that may be present

with greater surface areas (i.e., layer silicates and Fe, Mn, and AI oxides).

5. CONCLUSIONS

Both metallic cations and anions sorb on calcite. Their sorption

behavior over ranges in pH and CO2 gas pressure is consistent with an initial

surface-exchange process, where cations exchange with surface Ca and anions

exchange with surface carbonate. A general surface-exchange model containing

exchange half-reactions was developed to describe the effects of Ca and CO3

concentration, pH, and calcite surface area on metal ion sorption. The model

is conceptually consistent with the surface reaction approach applied to

oxide and layer silicate minerals, and can be readily incorporated into geo-

chemical models such as MINTEQ. The model was able to describe the influence

of pH on both anion and cation sorption, and provided good predictions of the

effects of variable C02(g) pressure on Zn sorption and of PO4 on SeO3 sorp-

tion. The model doesnot currently consider reactions such as metal dehydra-

tion, precipitation, or solid-solution formation that have been observed to

follow 'the surface-exchange reaction for certain solutes (e.g., Cd and Mn) on

calcite. These latter reactions, however, must be considered to accurately

describe metal ion concentrations and migration in calcareous groundwater.

Model calculations in a ternary sorbent mixture containing calcite,

amorphous Fe, and smectite clay documented that calcite can be an important

sorbent in aquifer materials for metals that strongly associate with the

calcite surface (i.e., Cd and Zn). Groundwater pH and the site concentration

of calcite relative to other strongly sorbing phases such as Fe and Mn oxides
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are the most important factors governing whether metal sorption to calcite is

significant. Clearly, sorption reactions of both cations and anions to

calcite will be important and potentially dominant in limestone or dolomitic

aquifers, or in groundwater systems depleted of oxides. The model calcu-

lations presented here were based on sorption constants measured for specimen

mineral phases. More accurate calculations should use sorption constants of
j i

natural carbonates, rjxides, and layer silicates, as their sorptivity may

differ significantly from specimen solids as a result of substitutional/

compositional impurities and crystallinity differences. With specific regard

to the carbonates, substitutions of Mg, Fe, and Mn, which are commonin

nature, affect calcite surface area and lattice dimension, which could

significantly influence metallic cation and anion sorption.

Measurement of site concentration_ of individual sorbents or sorbent

classes in aquifer materials is needed to accurately describe metal sorption

in both calcareous and non-calcareous groundwaters. The determination of

sorbent mass or molar content alone is not adequate because the relationship

: of these parametersto site concentrationhas not been established. Even if

the sorbentsurface area is determined,the sorptionmagnitudemay be inade-

quatelypredictedbecausethe surfacesof oxide and calciteparticlesin

subsoilor aquifermaterialmay be modifiedby the sorptionof natural

organiccompounds(humicsubstances,lower molecularweight organic acids)or

stronglybinding inorganicions, such as Si, Al, or Fe, that may block or

" modify surfacesites. Researchto improvesite concentrationmeasurementson

naturalsubsurfacematerialsis a high priority.
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TABLE I. Metal Cation and Anion Sorption on Calcite.

Sorbate Reference

Cat ions

2+ Bancroft et al. (1977)
Ba Zachara et al. (1990a)

Cd2+ McBride (1980)
Davis et al. (1987)
Papadopoulas and Rowell (1988)
Zachara et al. (1990a)

Co2+ Kornicker et al. (1985)
Zachara et al. (1990a)

CuZ+ Kitano et al. (1976)
Franklin and Morse (1982)

Mg2+ Moller (1973)
Moller and Werr (1972)
Mucci et al. (1985)
Sastri and Moller (1974)

Mn2+ McBride (1979)
Franklin and Morse (1983)
Zachara et al. (1990a)

Ni 2+ Zachara et al. (1990a)

Np(V)02 + Keeney-Kennicutt and Morse (1984)

Pu(V)02 + Keeney-Kennicutt and Morse (1985)

Pu2+ Nelson et al. (1989)

Sr 2+ Zachara et al. (1990a)

Zn2+ Jurinak and Bauer (1956)
Kitano et al. (1976)
Zachara et al. (1988)
Zachara et al. (1990a)

Anions

P043" Cole et al. (1953)
DeKanel and Morse (1978)
House and Donaldson (1986)

Se032- Goldberg and Glaubig (1988a)
Cowan et al. (1990a)
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TABLE2. Aqueous Speciation Reactions with Associated Equilibrium Constants
for Ca and Zn Experiments.

i

Reaction loq Kr

Ca

H+H20 *_ + OH -14.0 (a)

Ca2+ + H20 *_ CaOH+ + H+ .12.6kaJ

Ca2+ + COl2" *_ CaC030 3.15
(b)

Ca2+ + H+ + C032" ..+ CaliCO3+ 11,3 (b)

H+ + C032" ._ HCO3 i0.3 (b)

2H+ + C032" _-. H2C030 16,65 (b)

Na+ + H+ + C032" _. NaHC030 I0.08 (a)
m

Na+ + C032" 4-. NaCO3 1,26 (a)

Zinc

Zn2+ + H20 *. ZnOH+ + H+ .8.96 (a)
0

Zn2+ + 2H20 .. Zn(OH)2 + 2H+ _16.9(a)

Zn2+ + 3H20 *. Zn(OH)3 + 3H+ _28.4 (a)
2-

Zn2+ + 4H20 *. Zn(OH)4 + 4H+ .41.4 (a)

Zn2+ + H+ + C032" .+ ZnHC03+ 12.4 (c)

Zn2+ + C032- ._ ZnC030 4.76
(d)

(a) Truesdell and Jones (1974)
(b) Ball et al. (1980)
(c) Zirano and Yamamoto (1972)
(d) Bilinski et al. (1976)
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TABLE3. Half-Exchange Reactions for Anionic Metal Exchange
Model on the Calcite Surface and Fitted Constants.
Source: Cowanet al. (1990a).

* (a) (b)Reaction log K I__ K

CO + X' = X'-CO3 12.5 12.5

H+ + CO_" + X' = X'-HCO3 27.06 16.76

_.. SeO3SeO + X' = X'- 16.70 16.70

H+ + SeO_" + X' = X'-HSeO3 24.96 16.92

Ca2+ + H_ + PO_" + X' : X'-CaHPO4 32.34 17.26

PO " + X' = X'-PO 4 20.79 20.79

(a) The exchangeconstantfor the half-exchangereaction
in the first columnwith the anion exchangesite, X'.

(b) The exchangeconstantwith the effectof the
complexationof the anion removed.
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r

TABLE4. Adsorptiorl and Exchange Reactions with Constants ior Modeling
Adsorption of Cd on Aquifer Material.

Reaction log K

Calcite

Cd2+ + CaX = X-Cd + Ca2+ -3.02 (a)

Fe2_03.____HH2O_

SOH+ H+ +._ SON2 4.7 (b)

SOH** SO" + H+ -i0.3 (b)

Cd2+ + SOH.4 SO'-Cd2+ + H+ .3.0 (b)

Ca2+ + SOH._ SO'-Ca2+ + H+ -7.1(b)

Na+ + SOH*_ SO'-Na+ + H+ -9.1(b)

Smecti te

Cd2+ + CaZ2 : CdZ2 + Ca2+ .0.5 (c)

2CdOH+ + CaZ2 = 2CdOHZ+ Ca2+ 7.08 (c)

2Na+ + CaZ2 = 2NaZ + Cd2+ -3.62 (c)

(a) Zachara et al. (1990a)

Ib Cowan et al. (19gOb)
)

c) Cowan et al. (1990c) and Zachara et al.
(1990b)
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i. Metal cation adsorption on calcite

2. Conceptual model of solute sorption on calcite

3. Selenite (10-7 M) adsorption on calcite (100 g/L)

4, Modeling (10-7 M) Zn adsorption on calcite (25 g/L)

5. Comparison of zinc adsorption on calcite (25 g/L) in variable

pCO2(g) with half-reaction exchange model predictions, a) Zn = 10-7

M in pCO2(g) = 2.46 with 10-7 M constants; b) Zn = 10-7 M in pCO2(g)

= 3.46 with 10"7 M constants; c) Zn = 10-7 M in pCO2(g) = 4,465 with

10-7 M constants; d) Zn = 10-6 M in pCO2(g) = 2.46 with 10-7 M and

10-6 M constants; e) Zn = 10-6 M in pCO2(g) = 3.46 with 10-7 M and

10-6 M constants_ f) Zn = 10-6 M in pCO2(g) = 4.46 with I0"7 M and
10-6 M constants. Lines indicate the half-reaction exchange model

predictions.

6. Comparisonsof zinc adsorptionon I0 g/L of calcitewith half-

reaction exchangemodel predictions, a) 10-7 M Zn with 10-7 M

constants;b) 10-6 M Zn with 10-7 M and 10-6 M constants.

7. Modeling (10-7 M) seleniteadsorptionon calcite (100 g/L)

8. Modeling (10 -7 M) selenite adsorption on calcite (i00 g/L) in

presence of phosphate (10-4 M). a) 10-4 M PO4; b) 10-7 M Se03.

9. Calculated adsorption of cadmium (10-5 M) in sorbent mixture
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