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ABSTRACT

The effect of magnesium, strontium, and other alkaline earths 
on the formation and persistence of metastable carbonates in the natural 
environment was investigated to determine the nature of the controlling 
mechanism. Barium and beryllium were studied to evaluate the effect of 
ionic radius; magnesium and strontium, in order to determine if the re= 
suits correlate with the usual order of stability for complexes and ad= 
sorbed species.

Known weights of aragonite were placed in contact with solutions 
of beryllium, magnesium, calcium, strontium, and barium. Samples were 
covered and periodically both pH and percent composition of aragonite 
determined; supernatant liquids and precipitates were anlayzed for cat
ion concentrations by atomic absorption spectroscopy and titrimetrie 
methods.

Results indicated that the order of effectiveness of alkaline 
earth metals in inhibiting recrystallization is: Be>Mg>Sr>Ba, This 
is the expected order of effectiveness for both surface and solution ef= 
fects, A solution effect (i„e,, sequestration of bicarbonate ions) is 
strongly suggested by the chemical behavior of each cation.



INTRODUCTION: BACKGROUND AND PREVIOUS WORK

Limestones and dolostones constitute approximately 20 percent of 
the total measured sedimentary assemblage. Their importance as petrole
um reservoirs (three-fifths of the world’s oil reserves) has resulted in 
intensive investigation of their distribution» formation, and diagenesis.

Almost all carbonate rocks in the geologic record are composed 
entirely of the stable carbonates lew-magnesium calcite and dolomite; 
aragonite and high-magnesium calcite are present in appreciable amounts 
only in post-Cretaceous rocks. For some time many geologists believed 
the original pre-Cretaceous carbonate sediments had been composed al
most entirely of calcite and dolomite. They also concluded that the 

bulk of these crystalline limestones were probably inorganically precip
itated from sea water. Thermodynamic investigations predicted thats 
calcite should precipitate from sea water at atmospheric pressure in the 
temperature, pH, and salinity ranges found in the oceans; biologically 
precipitated aragonite and high-magnesium calcite (shells and algal ma
terial) should invert to calcite; and dolomite should be the expected 
phase in the presence of high magnesium concentrations.

Stability of Calcium Carbonate Polymorphs .
Three polymorphs and three hydrated forms of calcium carbonate 

are listed in Table 1. Two additional synthetic calcite polymorphs have 
been produced (Brooks, Clark, and Thurston, 1950), All forms given in

1



2

Table 1. Polymorphic and Hydrated Forms of Calcium Carbonate at Surface 
Conditions of Temperature and Pressure„

Polymorph

Caleite 
Aragonite 
Vaterite 

Caleite monohydrate 
Trihydrosalcite 

Ikaite

Composition Crystal Structure

CaCO,
CaCO.
CaCO,
CaCOyHgO
CaC03°3H20
CaC03«6H20

Hexagonal
Orthorhombic
Hexagonal
Hexagonal

Monoclinic

Stability

Stable
Metastable
Metastable
Unstable

Stable
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the table except the monohydrate have been found in nature but only 

caleite and aragonite are common.
A considerable volume of research has been concerned with the 

stability relationship of caleite, aragonite, and vaterite. For the 
transformation of caleite to aragonite the change in free energy (AF) 
is given by the relationship:

AF = A H  - TAS
where A H is the change in enthalpy (amount of heat absorbed or evolved), 
T is the absolute temperature, and AS is the change in entropy. If the 
value for AF is positive, caleite is stable; if it is zero, the two 
polymorphs are in equilibrium. Substitution of the values given by 
Latimer (1959) yields a free energy change (AF) of -i-250 cal./mole at 
25°C and one atmosphere total pressure. Therefore, under normal surface 
conditions caleite is more stable than aragonite. Little is known about 
the stability of vaterite except that it is less stable under conditions 
of low temperature and pressure than the other polymorphs. Determina
tion of stability constants based on the solubilities of aragonite and 
caleite in distilled water confirms the thermodynamic stability of cal- 
cite at low temperatures and pressures (Garrels, Thompson, and Siever, 
I960; Berner, 1967; Langmuir, 1968). Schmalz (1963), however, has 
pointed out that when AF of a reaction is relatively small, as it is in 
the aragonite-inversion, contributions to the free energy due to unsat
isfied bonds at the crystal surface become significant as the grain size 

decreases. If caleite and aragonite have the same surface energies, the 
difference in specific volume is sufficient to make aragonite the stable 

polymorph at grain sizes less than 0.01 pm.
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At high temperatures and pressures aragonite is the stable phase. 

Fyfe and Bischoff (1965) have summarized the conclusions of several 
workers in the form of an equilibrium curve; more recent phase relation
ships determined by Boettcher and Wyllie (1968) have been superimposed 
on their diagram (Figure 1). At first glance it would appear that cal«= 
cite is. the only important phase in natural systems at near-surface 
conditions. A cursory glance at the composition of Recent carbonate 
sediments which are composed to a large extent of aragonite, is enough 
to firmly dispell that illusion. The problem is, therefore, more a 
question of transformation rates than equilibrium, relationships. Chemi
cally pure, dry aragonite at atmospheric pressure will not invert to 
ealoite at a measurable rate until it is heated to 465°C (Subba Rao and 
Yoganarasimhan, 1965). Brown, Fyfe, and Turner (1962) estimated that 
solid state inversion of aragonite to ealoite at temperatures below 
100°C would require tens of millions of years. While the reaction rate 
at.surface temperatures and pressures may.not be quite-this .slow, it does 
serve to emphasize the geologic importance of aragonite and warn against 
extrapolation of rates from elevated temperatures far removed from those 
relevant to carbonate deposition and diagenesis..

Occurrence and Persistence
of Metastable Carbonates

Though poorly understood, behavior of Mg is thought to control 
partially formation and persistence of metastable carbonates. Aragonite 
and high-magnesium ealoite are being deposited in the warm, shallow water 
marine environments of the Persian Gulf, Florida Bay, and the Great 
Bahama and Campeche Banks (Tiling, 1954; Cloud, 1962; Purdy, I963; Taft
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and Harbaugh, 1964; Matthews, 1965? Broecker and Takahashi, 1966; 
Bathurst, 1967). Lithification of Recent aragonitic sediments is occur
ring in the shallow waters of the Bahamas (Taft, et al„, 1968). The 
precipitation and lithification of carbonates is not necessarily con
fined to shallow waters however. Fischer and Garrison (1967) cite ex
amples of carbonate sediments at neritie and bathyal depths which are 
inundated with micritic high-magnesium ealcite. They suggest an inor
ganic solution-precipitation process acting at or near the sea floor.

It has been demonstrated that metastable carbonates need not be 
thermodynamically stable under the conditions at which they are produced 
(Glover and Sippel, 196?; Rosenborg, Burt, and Holland, 196?). It is 
necessary, however, that they become "stabilized" by some agent which 
interferes with the solution-recrystallization process. A magnesium 
complex or Mg"5™5- appears to be such an agent (Taft and Harbaugh, 1964; 
Berner, 1966a; Taft, et al., 1968; Bischoff and Fyfe, 1968; and others). 
Weyl (1970) suggests that although shallow sea water is generally super
saturated with respect to low-magnesium ealcite and aragonite it is in 
equilibrium with high-magnesium calcites.

Conrad (1968) has precipitated mixtures of aragonite, ealcite, 
and high-magne slum ealcite at 25°C and demonstrated that the mineralogy 
of the precipitate is a function of Ca"^ and Mg** concentrations in the 
original solution. Relationships among the precipitated phases are 
shown in Figure 2. It is necessary to note that the diagram cannot be 
applied directly to natural systems; any change in original CÔ *" concen
tration, pH, temperature, or the addition of other ions, will shift the
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boundaries. The diagram is useful, however, in demonstrating funda
mental relationships among the three carbonate phases.

Garrels, et al. (i960) concluded on the basis of aragcnite, 
calcite, and dolomite solubility data that the stable carbonate in sea 
■water should be dolomite. In other words, the oceans are supersaturated 
with respect to dolomite and calcite; therefore aragonite should react 
with sea water to produce dolomite (Figure 3). Since this does not seem 
to be occurring, and as the value for A F° (-520 kil©calories) of dolo
mite does not seem to be in error, Garrels, et al. concluded anomalous 
behavior on the part of Mg . Magnesium has a definite reluctance to 
precipitate from saturated solutions; it may be firmly hydrated, or it 
may form the stable ion pair, MgCO^0.

With the exception of dolomite, much of the recent carbonate 
sediments can be attributed directly to the work of organisms: calcite 
and aragonite from mollusk shells, high-magnesium calcite from forams 
such as Homotreroa and Peneropolis and some algae, and aragonite plates 
and needles from the algae Halimeda and Penicillus. Seme of the very 
fine-grained material is undoubtedly derived from reworking of sediments 
by organisms, and there remains a fraction which may have been inorgan- < 
ioally precipitated from sea water. Recent work on the activities of 
CCy and HCO^ in sea water suggests that shallow, warm, low-latitude 
waters are saturated or supersaturated with respect to both calcite and 
aragonite (McGrath and Kramer, 1960$ Weyl, I96I; Garrels and Thompson, 
1962$ Chave and Schraalz, 1963; Berner, 1965). Cloud (1962) documented 
that the waters on the Great Bahama Banks are saturated with respect to
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calcium carbonate and concluded a chemical origin for ranch of the fine
grained aragonite mud.

There is little doubt that some metastable carbonates in Recent 
sediments are inorganically precipitated, a classic example being the 
formation of oolites in the Bahamas (Newell, Purdy, and Imbrie, I960; 
Bathurst, 196? and I968). There is a greater body of evidence which 
suggests that most precipitation, cementation, and lithification is bio
chemically induced. Photosynthetic removal of carbon dioxide by phyto- 
plankton was suggested as a mechanism for carbonate precipitation in sea 
water many years ago (Atkins, 1930; Harvey, 1945) but has been largely 
ignored. More recently, Williams and Barghoorn (1963) did further re
search on the subject and suggested such processes are important in areas 
where there is intense illumination within the euphotic zone, high water 
temperatures for high metabolic activity, and abundant nutrients. All 
these requirements are satisfied in areas where carbonate deposition is 
taking place. Purdy (1963) and Tiling (1954) noted the high concentra
tion of organic material in Bahaman grapestone and proposed that cemen
tation of fine-grained aragonite into sand-sized aggregates may be 
either the work of organisms in the sediment or may result from precip- 
itation in a reducing micro-environment caused by decaying organic 
matter in the sediments. Taft, et al. (1968) suggest that organisms at 
the sediment-water interface exert a major influence in the formation of 
lithified material. Lithification is dependent upon decomposition of 
organic material and subsequent preeipitation of aragonite cement; the 
process is therefore both chemical and biochemical.
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Biological Influence on Mineralogy

Marine organisms secrete both ealcitic and aragonitic skeletal 

material; frequently both polymorphs coexist in the same skeleton. 
Chemical studies of the composition of marine invertebrates have reveal
ed the ability of various organisms to concentrate selectively certain 
elements relative to sea water (Krauskopf, 1956).

Chave (1954) has discussed the distribution of magnesium in 
calcareous skeletal material in considerable detail. Magnesium is con
centrated in ealcitic material and its content is influenced primarily 
by the complexity of the organism and the water temperature. More 
recent work (Reams and Siegal, 1964; Moberly, 1968) indicates that the 
magnesium content of biogenic calcite is not primarily temperature 
dependent, but a function of the growth rate of the organism. Growth 
rates are in turn a function of temperature, light, and physiological 
cycles.

Turekian and Armstrong (i960) suggested that the magnesium, 
strontium, and barium contents of recent mollusk shells depend on: (l) 
trace element/calcium ratios in the water, (2) temperature, (3 ) the 
phytogenetie level of the organism, (4) the polymorph of calcium carbon
ate present, and (5) salinity. They concluded that the phylogenetic 
level of the organism is of greater importance than temperature or the 
calcite/aragonite ratio of the shell in controlling trace element compo
sition.

Turekian and Armstrong based their conclusions on analysis of 
total shell carbonate; strontium concentrations of inner aragonitic 
layers commonly average two times greater than whole shell
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c onoentrations (Veizer, Demovie6. and Turan, 1971). Lowenstam (1964) 
assigns greater importance to the mineralogical composition of the 
skeletal material, pointing out that total shell carbonate values ob
scure the distribution of strontium between aragonitie and ealoitie 
layers. ■:

It would seem that much of the controversy is merely a question 
of semantics; the organism determines the calcite-aragonite distribution 
in the skeleton, and the calcite-aragonite distribution controls the 
fractionation of strontium and magnesium. The work of Kallam and Price 
(1968) further emphasizes the extent to which the organism may control 
both mineralogy and isotopic content. They investigated the strontium 
content of both aragonite layers in Cardium shells and observed a higher 
concentration in the outer layer secreted by the mantle margin than in 
the layer secreted by the mantle surface.

Lerman (1965) and others have observed that although ealcite in 
Exogyra shells does not appear to be in equilibrium with sea water, the 
strontium concentration in the calcite is proportional to the Sr/Ca 
ratio in sea water. Dodd (1965) observed that the strontium concentra
tion in ealcitic portions of Mytilas shells is directly proportional to 
water temperature whereas the strontium content in aragonitie layers is 
inversely proportional to temperature. Increased temperature favors an 
increased growth rate which permits incorporation of greater amounts of 
trace elements; however, the negative correlation between the strontium 
content in the aragonite layer and temperature contradicts this growth 
rate hypothesis. It must therefore be concluded that the underlying 
cause of the variation is biologically controlled and that physical and
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chemical inter-relationships influencing distribution of trace elements 
are more subtle than originally supposed.

The mechanism by which organisms actually precipitate calcareous 
material, especially metastable forms, is not well known. It has been 
demonstrated by radioactive tracer studies that initial transfer of cal
cium and strontium from sea water to pelecypods occurs at the mucous 
surface of the gill. The ability of organisms to concentrate certain 
ions suggests a rejection mechanism for other ions. As there are many 
nattirally occurring mucins (glycoproteins) there are probably specific 
enzymes in the digestive tracts of invertebrates which can digest the 
mucous, preferentially extracting certain ions while rejecting others 

(Goldberg, 1957).
A number of factors may control the precipitation of metastable 

carbonates by the organism. Mollusk shells contain an organic matrix of 
protein (conchiolin) which may control the mineralogy of the precipitate 
by acting as a set of templates thereby controlling nucleation sites 
(Hare and Abelson, 1964). Magnesium and strontium may be chelated by 
chitin or protein at or near nucleation sites. Ions may also be concen
trated by preferential diffusion through membranes. In any case, ionic 
radius, charge, and electronegativity of both Sr and Mg would favor 
their substitution for Car+ if precipitation is proceeding faster than
=H-Ca can be supplied.

Stabilization by Trace Elements 
The observation that aragonite invariably has a higher strontium 

content than ealcite bas led to the speculation that trace amounts of
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strontium favor precipitation of aragonite (Kinsman and Holland, 1969)0 

It has also been suggested that trace amounts of strontium might have a 
stabilizing effect on aragonite, but the degree to which aragonite is 
stabilized by strontium has not been well demonstrated. MacDonald 
(I956) calculated that substitution for 30 percent of the calcium would 
be required to stabilize aragonite with respect to calcite at 25°C. 
Holland, et al. (1963) and Holland, Holland, and Munoz (1964) found it 
impossible to precipitate calcite at 25°C without also precipitating 
some aragonite from solutions of calcium chloride in the presence of 
strontium. Pure calcite was obtained only by raising both temperature 
and pco2e

Effects of Various Cations on Recrystallization 
Several investigators have sought to determine the nature of the 

recrystallization, process by studying the effects of various cations on 
aragonite in aqueous systems. Results indicate that sodium, potassium, 

and calcium promote recrystallization whereas magnesium and strontium 
retard formation of calcite (Taft, I967* Bischoff and Fyfe, 1968). More 

recently Molester (1969) has shown that beryllium and barium also inhibit 
recrystallization. These studies have been conducted over a short period 
of time at elevated temperatures (McLester, 50oC; Taft, ?0oC; Bischoff 
and Fyfe, 100 C) and in buffered systems (Bischoff and Fyfe, pH 8.0-8.5; 
McLester, pH 8.2?). A long-term study conducted at ambient temperatures 
in an unbuffered system would test the applicability of these results in 
systems more closely related to those encountered in the marine environ

ment where■metastable carbonates are forming.



STATEMENT OF PROBLEM

Many studies have indicated a number of physical and chemical 
variables which affect formation of metastable carbonates and their sub
sequent recrystallization to stable forms. Perhaps the most intriguing 
problem in carbonate geochemistry is the effect that magnesium, and to a 
lesser extent, strontium have on the formation and persistence of meta
stable carbonates in the natural environment. Sufficient data are not 
yet available to determine the exact nature of this controlling mecha
nism, but it seems plausible that the greater effectiveness of magnesium 

in preserving metastable polymorphs is due to its stronger coordinating 
power.

Inversion or recrystallization of aragonite is retarded by any 
process that tends to decrease the Ca*^ or HCO^" activity in the solu
tion in contact with the crystals through sequestering, complex forma
tion, or other alterations of the carbonate-bicarbonate equilibria 

(Martin, 196?). It is possible that either magnesium or strontium de
creases the activity of HCO^" through formation of a metal-bicarbonate 
complex, although evidence of such a complex for magnesium is doubtful 
and unproven for strontium (Sillen and Martell, 1964). Hydroxyl- 
ccmplexing of either metal ion alters the equilibria and appears to be a 

more likely process (Martin, I967). Chemisorption of hydrated cations 

Or complexes on either calcite or aragonite would also be effective in 
controlling recrystallization.

"15



16
Any study of these chemical factors should focus on the funda

mental problem of how cations are involved in the microenvironment where 
recrystallization occurs. If ionic radius is a controlling factor, it is 
essential to study the effects of barium and beryllium in addition to 
calcium, magnesium, and strontium in order to determine whether the re
sults correlate with the usual order of stability for complexes and 
adsorbed species:

Be > Mg > Ca > Sf > Ba ,x
If the order of effectiveness is the same, water, hydroxide, or 

carbonate complexes or size effects which parallel solution stabilities 
are probably involved.

If the order of effectiveness is not the same, factors other than 
stability, such as surface effects and lattice energies, would be indi
cated and correlation by studies of physical effects would be required.



LABORATORY METHODS AND PROCEDURES

Known weights of artificially prepared aragonite were placed in . 
contact with solutions of barium, strontium, calcium, magnesium, and 
beryllium. The samples were covered and periodically both pH and per
centage .composition of aragonite were determined. After an arbitrary 
length of time, controlled in part by the degree of recrystallization, 
both supernatant liquids and precipitates were analyzed for cation con
centrations to determine; (1) the amount of aragonite dissolved, and (2) 
possible adsorption or incorporation of alkaline earth cations into the 
crystal structure of the precipitates. Trends within each cation series 
were analyzed and compared with those of other cation series.

Experimental .

Precipitation and Preparation of Aragonite
Aragonite was precipitated by a modification of the method pro

posed by Wray and Daniels (1957). A volume of 25 ml Of 1M CafNCy^ 
solution was added at the rate of 0.5 ml/min. to 250 ml of 0.1M Na^CO^ 
solution. The NagCO^ solution was maintained at a temperature of 75- 
85°C and stirred constantly during addition of Ca(N0̂ )g. The precipi
tate was digested at 75-85°C for 25 minutes without agitation, filtered, 
washed, dried, and X-rayed. Aragonite precipitated.in this manner con
tained less than 1 percent low-magnesium ealeite and ranged from ,3jjm - 
4.1 wide and 1.7 /ira = 79.9 /im long. Average dimensions were 1.2 x 
33 fim. Greater uniformity of size was attained by forcing the

; 17 •
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precipitate through 200 mesh (74 fim) silk bolting cloth with an agate 
pestle. After screening, the average dimensions were 0.8 fim x 17fim.

Preparation of Alkaline Earth Stock Solutions
All stock solutions except beryllium were prepared from Reagent 

Grade Baker analyzed chemicals and doubly-distilled deionized water. 
Solutions were prepared by dissolving chloride salts in distilled water 
or by dissolving carbonates and oxides in dilute hydrochloric acid, then 
neutralizing the solutions with dilute potassium hydroxide. All non- 
hygroscopic reagents were dried for 24 hours at 104-110°C; drying proce
dures for deliquescent reagents are discussed below. All reagents were 
cooled, covered, and stored in a dessicator; all stock solutions were 
stored in polyethylene bottles.

++Calcium. A stock solution of 354 ppm Ca was prepared from 
low-alkali CaCO^ powder.

Magnesium. A stock solution of 600 ppm Mg*4" was prepared from 
MgO powder. Stock solutions of Mg** used in the 1963-1965 experiments 
were prepared by dissolving magnesium metal in dilute HC1.

Strontium. A stock solution of 290 ppm Sr** was prepared from 
anhydrous SrClg. This was prepared by drying SrClg^SHgO at 120°C for 48 
hours; it loses 4H2O at 60° and at 100°C. Anhydrous SrC^ to pro
duce a 500 ppm solution of Sr** was weighed, but because this compound 

is strongly hygroscopic, a mixture of SrCl̂ , SrClg^H^O, and SrClg^HgO 
was weighed, making the stock solution low in strontium.

Barium. Stock solutions of approximately 500 ppm Ba4* were pre

pared from BaC^. The dihydrate was dried at 120°C for 48 hours;
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BaClg'ZHgO loses 2HgO at 113°C. Although BaClg is not as highly hygro
scopic as SrClg, a mixture of the anhydrous and hydrated chlorides was 
weighed. Therefore, the stock solution is low in Ba"H’t though probably 
not as low as the Sr stock solution. Attempts to analyze for Ba by 
EDTA titration are discussed below.

Beryllium. Analyzed inorganic beryllium reagents were not 
readily available s therefore, Fisher '’purified" BeSO^^H^O was used.

The tetrahydrate loses ZH^O at 100°C; after drying for 24 hours at ?0°C, 
a 10,2 percent weight loss indicated loss of IH^O and the formation of 
BeS04-3H20. In order to convert the BeSO^ to chloride form, a solution 
containing 278 g Be"4̂  was eluted through Dowex 1-8X (Cl”) anion-
exchange resin at the rate of 2.5 ml/rain. The eluant was diluted to 500
ml giving a 556 ppm Be"4"* stock solution. Addition of BaCl^ to this so
lution yielded a positive test for S0^ . Although SO^ was present in 
extremely low concentrations, 30^ has been shown to inhibit recrystal- 
ization of aragonite (Bischoff and Fyfe, 1968). It would be impossible 
to distinguish between the Be effect and the 50^ effect. The Be
(Cl”*30̂  ) stock solution was used; however it was necessary to obtain a

eS30^ -free Be stock solution as well.
Granular beryllium metal was acid-washed to remove surface oxi

dation, rinsed, and dried. Then 0.252 g of the metal were dissolved in 
. dilute hydrochloric acid, neutralized with potassium hydroxide, and di- 
luted to 500 ml to yield a 504 ppm Be stock solution.
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Sample Preparation

A series of solutions ranging from approximately O,1=500 ppm 
was prepared from each cation stock solution. Unless otherwise speci
fied, 40 ml of solution were added to 0.1 g of aragonite in a 50 ml 
Pyrex beaker, covered with Parafilm, and stored in the laboratory at 
atmospheric pressure and ambient temperature (1963-1965: 23 ± 2°C;

1967=1969: 24.5 ± 2°C).

Contamination Problems
Every possible effort was made to avoid introduction of foreign 

material into reagents and samples, however several samples in the dis
tilled water and calcium series displayed erratic behavior which indi
cated contamination. All these samples at various times had tears in 
the Parafilm used to seal the beakers and showed a final Ca"^ concen
tration. considerably higher than otherwise could be accounted for (see 
Appendix A), A few drops of BaClg solution were added to each sample; 
X=ray analysis showed the presence of BaSO^ in the precipitate. The 
suspected source of this additional Ca and S0^ was dust from building 
materials (bricks, plaster, gypsum board, etc.) during construction of 
an annex to the geology building at Southern Methodist University.

Analytical

pH
Hydrogen ion Concentration was monitored with a Beckman Zero- 

matic pH meter at the initiation of each sample run and each time that 
the sample was opened.
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Determination of Calcite-Aragonite Percentages

All aragonite samples were X-rayed (Cu Ka) before and during the 
course of recrystallization with a XRD-6 General Electric X-ray diffrac
tometer to determine the low-magnesium calcite content. The intensity 
ratio of aragonite to low-magnesium calcite is determined from the ratio 
of the diffraction peak intensities obtained at 26.2° 26 for aragonite 

111 and 29.42° 20 for low-magnesium calcite 104. Percentages of these 
minerals were determined according to the method of Taft and Harbaugh 
(1964; see Appendix A).

Powdered quartz (<44 Jim) was added to several samples to serve 
as an internal standard. Samples of greatest interest were those con
taining a solid phase other than calcite or aragonite, e.g., KC1, SrCCy, 
and BaCÔ . The quartz served as a fixed reference point from which to 
calculate any changes in unit cell dimensions of calcite and aragonite 
produced by recrystallization or incorporation of additional ions.

Mineral percentages were visually determined at 630X, using a 

chart for estimation of percentage composition (Terry and Chilingar, 

1955). If the estimate was in doubt or a more accurate determination 
was deemed necessary, a small portion of the sample was X-rayed.

Titrimetric Methods
Calcium and magnesium contents of several samples were deter

mined by 2DTA (ethylenediamine tetraacetic acid) titration. The total 
calcium and magnesium content was determined (Pate and Robinson, I96I); 

calcium was then determined (Pate and Robinson, 1958) and subtracted
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from the total, giving magnesium by difference. The values agree well 
with those determined by atomic absorption spectroscopy. As EDTA titra
tions are time-consuming, atomic absorption spectroscopy is preferred 
for determinations because of ease of sample preparation and rapidity 
of analyses.

Titrimetric determination of barium is less satisfactory than 
for calcium and magnesium. The solution is titrated with EDTA using 
Eriochrome Black T as an indicator (Malat and Mucka, 1961). In the 
absence of magnesium the endpoint is indistinct; addition of a small 
amount of magnesium improves the endpoint, but it is still difficult to 
determine accurately. As calcium is present in all Ba-series samples 
from the solution of aragonite, total calcium and barium must first be 
determined and then barium found by difference. In theory this is not 
difficult, for when the Gal-Red indicator (triturated on Na ŜO )̂ is 
added, BaSO^ precipitates and only calcium is titrated by EDTA. In 
practice, however, the endpoint is indistinct and cannot be relied upon 
without further sophistication of the method. Barium was not determined 
but it is suggested it could be separated from other alkaline earths by 
ion-exchange chromatography similar to that employed by Campbell and 
Kenner (195̂ ) for separation of calcium and magnesium. Barium could 
then be titrated with EDTA.

It was hoped initially that beryllium might be determined by 
EDTA titration in the same manner as barium but results were even less 
satisfactory because Be(OH)g precipitated at the pH of the buffer solu
tions. Chemically beryllium behaves much like aluminum. Aluminum can 
be titrated directly with EDTA at pH 3 (Kristiansen, 1961) but it is not
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known whether this method is applicable for beryllium. The best method 
to anlayze for beryllium is atomic absorption spectroscopy using a 
nitrous oxide flame.

Atomic Absorption Spectroscopy
Calciume magnesium, and strontium were determined by atomic ab~ 

sorption spectroscopy utilizing a Perkin-Elmer Model 303 absorption 
spectrophotometer, lamps were not available for beryllium or barium 
anlayses, consequently eoncentrations determined for these cations are 
not as accurate.

Analyses were made of stock solutions, supernatant liquids, pre
cipitate washings, and precipitates. Sample preparation was minimal. 
Recrystallization series samples were filtered and washed; the super
natant filtrate and the last two washings were saved and analyzed; the 
precipitate was dissolved in dilute HC1 and analyzed.

After samples were filtered, precipitates were washed three 
times with 15 ml of distilled water; the first two washings were dis
carded, the third was saved. The precipitate was then washed with 15 ml 
of 0.15M NaCl. A strong electrolyte such as sodium chloride will dis
place alkaline earth cations adsorbed on a solid phase; the greater the 
ionic strength of the electrolyte, the more ions will be desorbed. A 
0.15M solution was used because the ionic strength is the same as that 

k of a 500 ppm Be^CCl”) solution and three times that, of a 500 ppm Mg"*"* 
(Cl-) solution. Such a solution should be strong enough to desorb all 
alkaline earth cations from the aragonite surface, The precipitates 
were washed a fifth time with distilled water and then dissolved with
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15 ml of 0«12N HC1 and diluted to 30 ml by -washing down the filter
paper«

Total milligrams of Sr and Mg determined by this method 

follow the series;
supernatant > precipitate >  NaCl wash > distilled water wash 

(see Appendix C, Tables C4 and C5). The fact that more Mg and Sr
-H-are washed from the precipitate with NaCl strongly suggests that Mg 

and Sr have.been desorbed from the aragonite surface.

There was no anion matrix effect because all solutions analyzed 
contained Cl'”„ HCÔ ", CCy „ and OH" in roughly the same proportions.

Atcmiie absorption standards were prepared for each element from 
spectroscopically pure CaCO ,̂ Mg°$ and SrCÔ * 

diluted to obtain a series of daily calibration standards in the optimum 
working ranges for Ca** (1=10 ppm). Mg (0.1=2 ppm), and Sr^' (2=20 
ppm). Percent absorption was measured for each standard solution and 
converted to absorbance using the conversion table provided by the 
Perkin^Elmer Corporation. Calibration curves were determined for each 
cation by plotting absorbance vs. concentration (Figure 4). The posi
tion of each cation-calibration curve shifted slightly from day to day 
but remained constant relative to the position of the other curves.

oHgO. These solutions were
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RESULTS AND DISCUSSION

i X-ray Determinations 
The method■of determining the mineralogical composition of 

aragonite-calcite percentages is discussed in Appendix A;. percent compo
sitions of all samples are listed in Appendix B, Tables B1-B9.

The d-spacings of calcite and aragonite peaks -were measured rel
ative to a quartz internal standard; there was no observed change pro
duced in unit cell dimensions by the degree of recrystallization or 
cationic influences.

Calcite in all samples crystallized as well-defined rhombohedra. 

No attempt was made to preferentially orient the precipitate on the glass 
slide prior to X-raying nor was any preferred orientation, indicated on 
the diffraction charts.

No variations in relative peak intensities were observed for 
aragonite, however, a change in relative intensities was observed be
tween two sets of paired calcite.peaks: 113, 202 and 108, 116. Peaks at
39.40° 26. 113, and at 4-3.14° 20, 101, .should have intensities of 18

o opercent of the calcite peak at 29.40 20, 104. Peaks at 4-7.48 20, 108,
and 48.15° 20, 116, should both have relative intensities of 17 percent.
Figure 5 shows the diffraction pattern and relative peak intensities for

Sr-series sample 30-67. The relative intensity of the 108 peak is 17
percent; the 116 peak intensity should also be 17 percent but is 26 .2

percent. The 113 peak intensity is slightly low (17 percent compared to
18 percent) and the 202 peak intensity is high.

26 ■ ■ ■ ■
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It may be that certain crystal faces are favored because there 

is more contact between the supernatant solution and the growing calcite 
crystal at these locations. However, this does not explain why the dif
ference between theoretical and observed peak intensities is greatest in 
precipitates from the Sr-series. This may suggest preferential adsorp
tion of strontium ions at sites favoring growth of 116 and 202 faces and 
repressing growth of the 108 face. Unfortunately samples from the barium 
and beryllium series were not examined for changes in intensity ratios; 
such data might have shed seme light on the nature of the seemingly 

errant growth of preferred faces.

■ Carbonate Equilibria.-and pH
The most straightforeward means of understanding the CO^-HCO^ - 

C0^ system is by means of a diagram (Figure 6 ) in which percentage of 
inorganic carbon represented by each ionic species is plotted as a func
tion of pH. Within the pH range 6.5-10.0 the activity of the bicarbon
ate ion controls the carbonate equilibria;

CaCO^ 4- 00^ + H20 ^=^Ca‘H" + HCO^" 4- CO^ + H*

In turn, the activity of the bicarbonate ion concentration is controlled 
by, and is directly proportional to, the partial pressure of carbon 
dioxide (P^ ) in contact with the system. An increase in temperature 
favors the left side of the equation, increases the dissociation con
stants , and shifts the curves to the right. Conversely, an increase in
P-_ or ionic strength favors the formation of dissolved species and uu2
shifts the curves to the left.

On the basis of these relationships Carrels (i960) has calculated 
that a calcite-distilled water system in contact with atmospheric carbon
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dioxide at 2$°C will have a pH of 8.4 at equilibrium. Samples in this 
study were covered with Parafilm which excludes particulate contaminates 
and prevents evaporation, but permits some exchange of atmospheric gases 
through the. permeable membrane. In addition, atmospheric.exchange oc
curred each time samples were opened and monitored for pH and mineral
ogy. In effect, samples were in contact with atmospheric carbon dioxide 
throughout the course of the experiment. Using Garrel's method and the 

solubility product of aragonite (Latimer, 1959) an equilibrium pH of 7.8 
was calculated for an aragonite-distilled water system (see Appendix A). 
As all precipitates in the recrystallization experiments were calcite, 
aragonite, or a mixture, pH values during recrystallization should fall 
within the range 7.8-8.4. The pH values of all samples which showed 
evidence of recrystallization were plotted vs. the weight percent of 
calcite present (Figure 7). Regardless of initial values, within a rel
atively short time the pH stabilised within the range 7.8-8,4. One 
might expect/pH values to converge at pH 8.4 and 100 percent calcite, 
but this occurs only in distilled water or in solutions of extremely low. 
ionic strength. As the ionic strength of the solution increases, the 

equilibrium pH is lowered, therefore, instead of one equilibrium pH value 
there exists a range of values which are a function of ionic strength.

The pH values for all samples which did not recrystallize were 
plotted as a function of time (Figure 8). The data indicate that given 
enough time and an adequate calcium carbonate reservoir, the pH of an 
unbuffered solution will stabilize between 7.8 and 8.4, Stabilization 
of pH is an indication that equilibrium has been established.
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The low pH-stabilization range for experiments containing more 

than 50 ppm Be is produced by the low initial pH of the stock solu
tions and the small amount of calcium carbonate available to buffer the
solution. The presence of a solid phase (99+ percent aragonite) in all

-Hi-sample s except those containing 400 ppm Be indicates that equilibrium 
was reached1 stabilization of pH values further substantiates this con
clusion.

It may be inferred from Figure 7 that transformation to calcite 
does not occur unless the pH is between 7.8 and 8.4. Taft (1967) has 
shown that aragonite does not recrystallize in distilled water at 76°C 
which is buffered to pH 10.4 with ethanolamine whereas unbuffered sam
ples recrystallize in 24 hours. Similarly, Be-series samples in this 
study at pH 5.4-6.0 showed no tendency to recrystallize in 1000 days.

Recrystallization Experiments 
Data from all recrystallization experiments are recorded in tab

ular form in Appendix B; all atomic absorption analysis data are pre
sented in Appendix C.

Aragonite in Distilled Water
Two series of experiments were run to determine recrystalliza

tion rates in distilled water. Samples 17-64 and 57-64 (Appendix B,
Table Bl) were run at the University of South Florida simultaneously 

with samples for which Taft (1967) reported 100 percent recrystalliza
tion in 100 days. These samples recrystallized in 80-85 days which agrees 
well with Taft's data. Three additional experiments were conducted at 
Southern Methodist University in 1967s these required 200 days to
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eompletely recrystallize. The shape and slope of the reaction curves 
(Figure 9) indicate that the two series are similar. Furthermore, the 
time required for the 196? samples to recrystallize from 2 percent cal- 
eite to 100 percent is 110 days —  in very goal agreement with the 1964 
data. If curve B were shifted to the left by 90-95 days it would coin
cide with curve A, The 95 days required for the 196? samples to begin 
to recrystallize is the lag time, which is dependent upon several vari
ables, Physical factors include grain size of the aragonite, Pqq ,̂ and 
temperaturei chemical factors are pH and total dissolved species. Phys
ical differences between the 1964 and 196? experiments may be eliminated
as the grain size, P ' (atmospheric), and temperature (A2°C) differed2
only slightly. Although the aragonite used for both experiments was 
prepared in a similar manner, precipitates differ slightly in absolute 
rates of transformation. This difference may account for a small por
tion of the lag time but it does not account for a discrepancy of 100 
days. Initial pH values for the experiments are comparable (Appendix B, 
Table Bl). Analyses showed both distilled water sources to be free of 
inorganic contamination, however, distilled water for the 196? samples 
was prepared by eluting distilled water through an ion exchange column 
and redistilling it in a Corning still. Plastic containers and ion ex
change resins used to purify water may introduce spectrophotometrically 
significant amounts of organic substances (Naneollas and Purdie, 1964).
It is canmon .knowledge among analytical chemists that some organic 

compounds can survive distilling; therefore it is not inconceivable that 
trace amounts of organic substances were present in the doubly-distilled, 
deionized water used for the I967-I968 experiments. More than one worker
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trying to prepare high purity reagents has discovered to his dismay that 
the purification process has introduced more impurities than were present 
initially. Trace amounts of organic compounds have been shown (Kitano, 
1964; Kitano and Hood, 1965) to influence the mineralogy of calcium car
bonate precipitated in their presence. Many organic molecules are 
chelating agents and have been shown to retard the aragonite-calcite 
transformation (Allen, 1969; Huang and Conrad, 1972); the presence of 
trace amounts of such organic compounds in the distilled water would ac
count for the significant lag time encountered in the 196? experiments.

Cation Availability Ratio
Investigators who have studied the effects of various ions on the 

aragonite-calcite transformation have defined their experimental systems 
in terms of initial weight of aragonite and the volume and concentration . 
of the supernatant solution. Unfortunately, these parameters vary con
siderably with each researcher, making immediate comparisons between 
studies difficult. Within this study early experiments varied from later 
ones in the volume of the solution and the weight of aragonite, often 
masking similarities and significant trends. To illustrate this point, 
recrystallization curves for several experiments are shown in Figure 10. 
From left to right the curves show a steady decrease in recrystallization 
rates with increasing magnesium concentration. The last curve is a 

marked exception to this trend. Instead of recrystallizing in 100 days 
as the other samples in contact with a 2 ppm Mg solution have done, 
this sample maintained a concentration of 2 percent ealcite for 6?6 days. 
The reason for. this apparently errant behavior lies in the description
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of the samples involved: samples which recrystallized contained 0.2 g of

' -H- ■aragonite in contact with 50 ml of a 2 ppm Mg solution; samples which 
did not recrystallize contained 0.05 g of aragonite in contact mth 40 ml 
of a 2 ppm Mg solution. If physical parameters vary, obviously concen
tration of the supernatant solution alone is insufficient to describe the 
samples and some other method must be found. Taft and Harbaugh (1964) 
have attempted to simplify the description of several of their experi
ments by use of a "critical concentration ratio" which is defined as the 
grams of precipitate (in contact with solution)/ grams of magnesium in 
solution. A variation of this ratio has been adopted in this study and 
is termed the "cation availability ratio". This ratio is defined as the 
total millimoles of cation in solution/ gram of aragonite in contact with 
the solution, i.e., mM / g aragonite. If the recrystallization curves 
in Figure 10 are identified by availability ratios (the numbers in paren
thesis) rather than concentrations the apparent discrepancy at 2 ppm Mg"*"** 
is eliminated.

Calcium Effect
•H- - - 'Addition of small quantities of Ca has little effect on the 

rate of recrystallization of aragonite, however, as the concentration of
44-Ca in solution is increased the rate of recrystallization increases

4-4-
(Figure 11), Aragonite in.contact with solutions of low Ca concentra-
tion recrystallizes in approximately 100 days after a lag time of 100
days. This is comparable to the recrystallization behavior in distilled

water. Expressing the chemistry of the distilled water series samples in
-H-terms of the final Ca availability ratio yields values of 0.033?-.0540
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(Appendix B, Table Bl). If the recrystallization curves for the dis
tilled water series samples (Figure 9) were plotted with the Ca-series 
(Figure 11), they would lie along the lower boundary of the range for 
availability ratios 0.884-.018. The apparent discrepancy in ratio values 
arises from comparison of final availability ratios (distilled water 
series) with initial ratios (Ca-series). Final Ca availability ratios 
foh: the Ca-series experiments were not determined,.but they would be 
higher than the initial ratios (Appendix B, Table B2) because of solu
tion of aragonite.

Beryllium Effect
Aragonite in contact with solutions of beryllium shows no ten-

-H-dency to recrystallize at Be availability ratios of 0.022 (Figure 12). 
It should be noted, however, that for the majority of the samples, pH was 
in the range 5.4-6.0 (Appendix B, Tables B3 and B4). It has been sug
gested in a preceding section that recrystallization is not expected to 
proceed outside the pH range 7.8-8.4. In addition, a number of the.Be- 
series experiments were conducted in contact with sulfate ions which have 
been shown to inhibit aragonite transformation (Bischoff and Fyfe, 1968). 
Consequently, it might be argued that either pH or SO^ was responsible 
for preventing recrystallization, not beryllium.

Sulfate retardation may be eliminated as a controlling factor in 
this work because none of the aragonite in contact with beryllium chlo
ride solutions recrystallized. The pH as a controlling factor may also

-H-
be eliminated. Samples with Be availability ratios of 0.022-1.1 and 

0,022-4.44 (Appendix B, Tables B3, and B4) stabilized at pH 7.6-8.2, in
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Figure 12. Recrystallization of aragonite as a function
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the range where recrystallization is not inhibited. The Be"H' therefore 

remains the predominant controlling factor preventing recrystallization.

Magnesium Effect
fly-Low concentrations of Mg ’ in solution (Mg availability ratios

0.00165-.0515) in contact with aragonite are incapable of preventing re-
crystallization to calcite. At an-availability ratio of approximately
0.0226 the recrystallization rate simulates that of aragonite in dis-

-H-tilled water. At lower Mg availability ratios the recrystallization 
rate increases due to the increased ionic strength of /the solution; at 
higher availability ratios (0,024?-.0515) recrystallization is inhibited 
but not prevented (Figure 13).

Between Mg** availability ratios 0.0515 and 0.061? there appears 
to be a significant break; during the time span of this investigation 
(796 days maximum for Mg-series samples) no sample with a Mg availa-
bility ratio of O.O658 or greater recrystallized (Figure 14). Several

0experiments (116-63 through 124-63 and 7-64) contained Mg in solution
as a sulfate, but although the presence of 30^ further inhibited recrys-

■++ ■ =tallization, in no case were Mg or S0^ concentrations high enough to 
prevent transformation.

The preceding experiments have shown that high concentrations of

Ca in solution catalyze recrystallization whereas high concentrations
-M" 'of Mg in solution inhibit the process. A logical question is how much

magnesium is required to inhibit or prevent recrystallization in the
-Hpresence of calcium. In the presence of 400 ppm Ca (the approximate 

concentration in sea water) 100 ppm Mg-** is insufficient to prevent
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recrystallizations but it does inhibit the process more than 50 ppm Mg"H"
(Appendix B„ Table B6). A better method of expressing Ca’H’ and Mg-̂
concentrations is an adaptation of the cation availability ratio. For
samples whose Ca and Mg concentrations were known, the molar
Mg’H'/Ca"1"+ ratio of the solution was calculated, and the ratio of this

value to the weight of aragonite in the sample was determined, i.e.,
Mg^/Ga ■ . As the Mg"<+/Ca*H" availability ratio increases, the rate g aragonite

of recrystallization decreases; at values greater than 4.95, recrystal<= 
ization did not occur.(Figure 15).

Strontium Effect 
•HAs Sr availability ratios increase from 0.00308 to 0,00525

rates of recrystallization increase due to increased ionic strength
(Figure 16). At a Sr availability ratio of 0.00525 recrystallization .
is only slightly inhibited in comparison to the rate in distilled water;
at ratios greater than 0.01, recrystallization is slowed appreciably,

-H-As Sr concentrations were not high enough to prevent recrystallization, 
a critical Sr44" availability ratio could not be determined. However, it

is apparent that Sr is less effective in inhibiting aragonite recrys-
’ -H- , ' ■ "' "tallization than Mg . ; = : -

An unexpected plateau is observed (Figure 16) as recrystalliza
tion is curtailed at 320 days. It is suggested that the solubility pro
duct of strontianite was exceeded and Sr4”** and Ca4”4" competed for avail
able CO^ . X-ray analyses confirmed the presence of strontianite in

4-4.samples having an initial Sr availability ratio greater than 0.05.
The kinetics of crystal nucleation and growth are discussed else-where;
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however, it is reasonable to conclude that strontianite precipitated
directly on the aragonite surface. There exist on any crystal surface
a number of unsatisfied charges; in an aqueous system, water dipoles or
hydrated ions form an adsorbed surface monolayer to satisfy these
"excess" charges. Hydrated Sr and Ca are adsorbed on the aragonite 

*1**4*surface; Sr will tend to be more strongly chemisorbed because it forms
-H- 4-4,a less soluble carbonate than Ca (Mamson, 196?). The adsorbed Sr 

can migrate along the surface monolayer to a dislocation or defect where 
surface energy is locally high. The Sr-0 interatomic distance (2.636 2) 
in strontianite is close to the Ca-0 bond distance (2.528 A) in arag

onite (DeVilliers, 1971); strontianite will precipitate epitaxially on 
the surface of aragoniteusing the aragonite structure as a template.

If supersaturation of strontianite is maintained, sufficient strontianite 
can precipitate to effectively envelop the aragonite, thus halting re
crystallization to calcite. Encapsulation of aragonite by strontianite 
would not necessarily be visually detected as strontium forms a carbon
ate isomorphous with aragonite.

Barium Effect
Barium solutions of low concentration show a tendency to inhibit 

transformation of aragonite to calcite. Aragonite in contact with solu- 
tions having initial Ba availability ratios of 0.005 recrystallizes at 
the same rate as aragonite in contact with distilled water. A solution 

having a Ba availability ratio of 0.0245 inhibits recrystallization 
for 100 days (Figure 1?).
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At Ba availability ratios greater than 0„06 recrystallization 

is unexpectedly curtailed (Figure 17)„ This phenomenon was unpredicted
and cannot be explained by the ionic potential, coordination chemistry,

4*4* •or activity of Ba . Furthermore, such behavior is not supported by the
work of Bischoff and Fyfe (1968) or MeLester (1969). These earlier 
studies, however, were conducted with solutions of barium in which the 
solubility product of barium carbonate (witherite) was not exceeded. 
X-ray anlayses revealed the presence of witherite in samples 47-6? 
through 56-67; these samples all had initial Ba availability ratios 
greater than 0/06 and did not recrystallize (Appendix B, Table B9), It 
is suggested that the precipitation of barium carbonate prevented re- 
crystallization of aragonite by encrusting either the surface of the 
aragonite or seed crystals of calcite in the precipitate. "When the sol
ubility of barium carbonate in these samples was exceeded, witherite be
gan to precipitate. Although calcite seed crystals and, undoubtedly, 
dust particles were present to provide.nuclei for crystallization, the 
aragonite structure, whoses spacings are close to those of witherite 

(Deer, Howie, and Zussman, 1962), presents more likely nucleation sites. 
In. a process analogous to that proposed for precipitation of strontian- 
ite on aragonite, adsorbed Ba migrates to suitable sites on the arago
nite surface and precipitates. As the Ba-0 interatomic distance in

o owitherite is 2.807 A compared to a Ca-0 bond distance of 2.528 A in ara-
o

gonite (DeVilliers, 1971) and 2.30 A in calcite (Wyeoff, 1920), wither
ite fits better on the aragonite structure. Isomorphous witherite over
growths on aragonite would not be detected visually, but would isolate 
aragonite from the solution. Recrystallization would cease.
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Reorystalllzation

Nucleation and Growth
Numerous studies have shown that a number of inorganic ion 

species inhibit recrystallization of aragonite to calcite: Mg , Sr ,
Ba , Be , 30^ „ and OH (Taft and Harbaugh, 1964; Fyfe and Bischoff, 
1965; Taft, 1967; Bischoff and Fyfe, 1968; MeLester, 1969). In addi
tion B numerous organic agents also inhibit recrystallization (Allen, 
1969; Huang and Conrad, 1972), Furthermore6 these studies all support 
the generalization that any species which inhibits the aragonite-c&leite 
reaction favors aragonite precipitation (Kitano, 1964; fytkowicz, 1964; 

Fyfe and Bischoff, 1965; Kitano and Hood, I965, Conrad, 1968),
Recrystallization of aragonite to calcite in aqueous solution is 

a solution-reprecipitation phenomenon. The chemistry of the solution 
must be such that the lattice energy of the aragonite crystal is exceed
ed by the energy of hydration of calcium ions. Hydrated ions must dif
fuse away from the solid phase, and interstitial solution into the main 
body Of the supernatant liquid. If calcite nucleates, hydrated ions 
diffuse to the surfaces of the nuclei, loose their water of hydration 
and precipitate.

As the concentration of the solution is increased by solution of 
aragonite, calcite is not formed until a considerable degree of super
saturation is achieved. There is a decrease in free energy in transfer
ring solute from its less stable state in the supersaturated solution to 
the solid phase; this is counterbalanced by an increase.in surface free 
energy of the calcite nuclei (Nancollasand Purdie, 1964). Depletion of
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supersaturation terminates nucleation and precipitation proceeds solely 
tyr crystal growth.

The general form of the recrystallization curves (Figures 9, 11, 
13, 16, and 1?) indicates the transformation reaction proceeds at a con
tinually increasing rate and suggests a process controlled by steady 
nucleation and growth. Aragonite solution cannot control the reaction 

rate, as it would decrease with time. Primary nucleation of calcite 
should not be a rate controlling step either, as seed crystals of low- 
magnesium calcite are present in the aragonite precipitate.

Growth of calcite controls the reaction and takes place through 
the following steps (Naneollas and Purdie, 1964):

(1) diffusion of solutes to the crystal-solution interface
(2) adsorption of solute on surface

(3) incorporation of adsorbed solutes into the structure
(4) desorption of "waste products".

Any of these steps may be rate controlling. Step 1 should be the same 
for all the samples in any one cation series; step 2, however, involves 
various degrees of dehydration of solute ions and complexes. Growth 
rates follow a second order rate law, indicating that ion-pair forma
tion and simultaneous expulsion of hydrating water at this step can be 
rate controlling (Naneollas and Purdie). Incorporation of adsorbed 
species into the crystal structure (step 3) occurs at terraces on the 
crystal surface or at dislocation sites. The nature of these growth 
sites is highly specific and depends upon the individual substance in
volved. Under conditions of perfect crystal growth or growth by spiral
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dislocation the number of growth sites and thus the growth rate is 
proportional to the surface area of the growing crystal.

The Frank mechanism of growth by spiral dislocation is widely 
accepted but Buckley (1951) comments that spiral patterns are somewhat 
uncommon and occur only oh a x-re 11-developed and slowly.growing face. 
Interferometric studies of concentration gradients around a growing 
crystal show the maximum gradient may occur either near the center of 
the face or near the edges. Furthermore, the pattern around a given 
crystal may change, considerably from time to time, without direct corre

lation with local growth rates (Adamson, 1967). The possibility of sur
face deposition at one point, followed by surface migration to a final 

site must be considered.
Although the curves deviate from the ideal, Figure 18 indicates

that the oalcite content, in the precipitate is a function .of time
2 2 squared (t ), i.e., C(t)~kt . If crystal growth proceeds at point or

line defects rather than at spiral dislocations, the growth rate would 
be independent of surface area. In this case, the Calcite content of 
the precipitate would indeed be proportional to time squared. Bischoff 
and Fyfe (1968) concluded that calcite nucleates on the aragonite sur
face or within a diffusion layer at a rate proportional to the aragonite 
surface area. Calcite then presumably grows at a constant rate at point 
or line defects.

The uniform size of calcite crystals during recrystallization 
appears to support the constant rate of growth hypothesis and the obser

vations of the author generally support the conclusion of Bischoff and 

Fyfe. However, the presence of calcite seed crystals in the precipitate
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probably precludes formation of calcite on the aragonite surface if the 
seed crystals did not dissolve during equilibration of the samples.

Catalysis
Any substance that increases the rate of a chemical reaction

without being used up in the overall reaction is called a catalyst. In

(activity) nor increased, ionic strength can be termed catalysts; how
ever, they increase reaction rates and such acceleration of reaction 
rates will be referred to as catalysis in the discussions which follow, 

Bischoff and Fyfe (I968) used the following equation to describe 
the effect of various ions on recrystallisation: .

d calcite _ o*__ st

where S is the slope of the time squared plot of the calcite composi
tion. They concluded that the results were best shown by plotting S’

-H- 1against the expression, (Ca )(HCO ~)l2 where I is the ionic strength of 
the solution and (Ca )(HCO^”) is the activity product. The dependence 
on the activity product of Ca"*"*" and HCCy indicates that the [caHCÔ ]

: complex is the controlling species in calcite growth. The co-dependence 
on ionic strength is not surprising as ionic strength accelerates any . 
reaction between species of like charge (Moore, 1962):

Ionic strength also accelerates the flocculation of small or colloidal 
particles, e.g., formation of calcite nuclei.

It was shown that the recrystallization curves approximate a 
time squared relationship (Figure 18) but the relationship is not ideal

the strict definition of the term, neither increased Ca"*"* concentration



because of time lags. MeLester (1969) has shown that aragonite 
recrystallization is a second order reaction (Benson, i960) of the form:

dCa - -kCLCL (1)dt a c
■where and refer to the concentration of aragonite and calcite. 
respectively.

Since the aqueous transformation of aragonite involves a 
crystal ..solution interface, the surface area is a more meaningful para
meter than weight percent. Since the dimensions and densities of the

- ;. _ - 
aragonite and calcite crystals are known̂  it is possible to calculate the
surface area of a given weight of calcite or aragonite. Assuming uni
formity of crystal sizes, the surface area is directly proportional to, 
the weight percent calcite or aragonite in the precipitate. The result

ing rate equation will be of the form:
dC„ ,
- a r = - k'sas= (2)

where Sa and Sc are the surface areas of calcite and aragonite. This 
particular equation poses a problem in integration, therefore the sim
pler form, equation (1) has. been used.

If, Ca~ 1 at t = 0 and Cc = x at time t, then Ca = 1-x at time t
and dG - -dx. Equation (2) becomes:

-
- = -k(l-x)(x) (3)

The integrated form is

i-xIn f r  = kt (4)

The growth rate constant k can be determined from the slope of the line
xobtained, when In is plotted as a function of time (Figure 19).
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Figure 19. Integrated rate plot: initial Ca-** availability ratios
0.0337-23.0.

Table 2. Rate Constants k^a Determined from Figure 19,

Ca** Availability Ratio kCa (days'h

0.0337-.0530 5.20 x 10*2
0.884 (not shown) 5.21 x 10-2

1.77 5.35 X io'2
• 3.53 (not shown) 5.38 X 10~2

6.2? 19.7 x 10"2
25 .0 76.5 x 10-2
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The rate constant kQa increases with ionic strength and concen

tration (Table 2). If k^a is plotted as a function of the Ca1-̂ availa
bility ratio (Figure 20), kQa becomes zero when the availability ratio is
zero. Such conditions would be satisfied only by dry aragonite at low 
temperatures and pressures, or by aragonite in contact with liquid in 
which no dissociation occurs, e.g., hydrocarbons.

Inhibition . .
Reaction curves are generally characterized by time lags which

are functions of initial pH (the time required for the aragonite to
equilibrate) and initial cation availability ratios. These time lags 
and subsequent crystallization bursts suggest that the inhibiting cation 
is somehow removed from the reaction. It has been demonstrated by 
Bischoff (1968) that the cation concentration in the supernatant solution 
decreases during lag time to a minimum after which caloite formation pro
ceeds. This would imply that the cation, or a cationic complex, is
adsorbed on the surface of the aragonite or the nucleating calcite during

.  ̂ ■ lag time thereby slowing the growth process. In other words, the inhib
iting cation is removed from solution by complexation or adsorption or 
both until the concentration is too low to interfere further with recrys
tallization. Obviously, if a sufficient amount of inhibiting cation is 
present initially the activity of the ion in solution, cannot be lowered 
to the level where recrystallization can proceed.

In direct contrast to reaction rates in the presence of calcium, 

reaction rates in.magnesium solutions decrease as the Mg availability 
ratio increases (Figure 21, Table 3). If the rate constant k,^ is
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Figaro 21, Integrated rate plots: initial Mg"*"*" availability ratios 
0 .0016$..0515

Table 3. Rate Constants As Determined from Figure 21.

Mg"*"*" Availability Ratio kM„ (days-1)
.00165 6.64 x Id-2

.0206 6.08 x 10~2

.024? 3.08 x 10-2
.0247(not shown) 2.80 x 10~2

.0515 (not shown) 3.11 x 10-2

.0515 2.20 x 10~2
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plotted as a function of the Mg4* availability ratio and extrapolated to
kM = 0, the intercept >0.11 be the inhibiting Mg availability ratio.Mg
The results of this study yield a somewhat equivocal range of values
(Figure 22), It was observed that samples having a Mg availability
ratio of .0617 did not recrystallize during the course of this study;
0.06l7 is therefore taken as the empirical limit for curve A.. Under

■H-these conditions, 0.0613 is the inhibiting Mg availability ratio.
However, if given more time, samples having an availability

ratio of 0.0617 had recrystallized, then curve B would be more realistic
4+and the inhibiting Mg availability ratio would be 0.0802. If a pla

teau exists through 0.024? and 0.0515 the inhibiting availability ratio 
will obviously be greater than 0.061?. If, on the other hand, the 
points at 0.0515 are spurious, as those at 0.024? are assumed to be,
curve C (the extention of the linear portion of curve A) would determine

■H*the inhibiting availability ratio. The value for the Mg availability 
ratio thus obtained is 0.1510 which is in general agreement with 
McLester (I969).

The use of a molar Mg /Ca availability ratio was discussed 
briefly in a preceding section and it was found that a value of 5.44, 
the average ratio observed in sea water, will prevent recrystallization 
of aragonite. Figure 23, an integrated rate plot of Mg/Ca availability 
ratios, based on Figure 15, shows that k^yg^ increases through the 
range 1.02-2.06 (Table 4) to a maximum and falls to zero at 4.98, A 
similar plot of Bischoff and Fyfe’s data (Figure 24, Table 5) shows 

the same trend. The curve obtained by plotting k ^ y ^  as a function of 
the Mg/Ca availability ratio resembles that shown in Figure 26 for kg^



6

.151

4

0802
2

.0614
0 04 .06.01 .02 .03 .05

Mg*'* Availability Ratio
Figure 22. Rate constant as a function of the Mg**** availability ratio.
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Figure 23. Integrated rate plots: initial Mg/Ca availability 
ratios 1.02-2.06.

Table 4. Rate Constants k^g/ca As Determined from Figure 23 ,

Mg/Ca Availability Ratio kMg/Ca (days-1)

1.02 2.78 x 10 _2
1.55 2.83 x 10 ~2
2.06 8.05 x 10 -2
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Figure 24. Integrated rate plots: Mg/Ca availability ratios 
0.669-1.32.

Data from Bischoff and Fyfe, I968, Figure 4A.

Table 5. Rate Constants As Determined from Figure 24.

Mg/Ca Availability Ratio kMg/Ca (hours'1)

0.669 1.93 x 10*1
1.00 2.36 x 10*1
1.32 2 .3 7 X 10"1
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44-The integrated rate plot for Sr availability ratios (Figure

25) indicates an increase in reaction rates followed by a sharp decrease
44-with increasing Sr availability ratios (Table 6). This relationship 

is shown clearly in Figure 26. The ascending portion of the curve cor
responds to the catalyzing or accelerating effect of increased ionic

44-strength. At a critical Sr availability ratio, cation inhibition 
overcomes the effect of increased ionic strength and decreases. 
Extrapolation of kgr to zero yields an inhibiting Sr*"* availability 
ratio of 0.405.

An integrated rate plot was attempted for initial Ba availa
bility ratios of 0.00497-.0245 but data for the latter ratio are uncer
tain (Figure 27). Within this availability ratio range k decreases as 
the availability ratio increases (Table 7). It was not possible to de- 
termine the inhibiting Ba availability ratio, nor could a comparison
be made to determine if barium is more or less effective than strontium

•H*in inhibiting recrystallization. The Sr availability ratios are final 
ratios whereas Ba availability ratios are initial ratios. It is shorn 
(Appendix B, Table B7) that final availability ratios for Sr-series sam
ples were much less than the initial ratios because of strontianite pre-

zcipitation; there is no doubt that initial Ba availability ratios also 
decreased sharply as a result of wither!te precipitation,

44-A1though it cannot be definitely proved by this study that Ba 
44- - ■is less effective than Sr in retarding aragonite recrystallization, 

the subsequent section on the chemical behavior of the alkaline; earths 

shows that Ba is less effective than Sr**, McLester (1969) also has
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Figure 25. Integrated rate plots: final Sr** availability ratios 
0.00308-.0955.

Table 6. Rate Constants kgr As Determined from Figure 25.

Sr*H- Availability Ratio ksr (days-1^

.00308-.00354 2.18 x 10-2

.00320-.00433 3.17 x 10-2

.00524 4.71 x 10“2

.0335 5 .25 x 10’2

.0955 4.40 x 1CT2
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Figure 2?. Integrated rate plots: initial Ba** availability 
ratios 0.004-97-. 0245.

Table 7. Rate Constants As Determined from Figure 27.

Ba++ Availability Ratio kBa (days'l)

.00497 5.25 x 10"2

.0245 4.48 x 10~2
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shown Ba5"* to be less effective than Sr*̂ " in inhibiting recrystalliza=. 
tion of aragonite to calcite.

Inhibiting cation availability ratios determined by several 
workers are listed in Table 8. Results from this study are expressed in 
ranges rather than single values although the inhibiting availability 
ratios for magnesium and strontium are thought to be close to O.lgl and 
0.405 respectively. These experiments were not scaled in such a manner 
to produce sufficient resolution between reaction rates. That is to say 
seemingly errant phenomena which are observed in an open system (quasi- 
natural) at ambient temperature and. pressure will tend to be masked in a 
closed, buffered system at elevated temperatures, e.g., the work of 
Bischoff and Fyfe (1968) and Molester (1969).

Cation Adsorption
There is an increasing body of evidence which suggests recrys- 

talligation of aragonite is inhibited by adsorption of Mg , Sr , or 
SOjij, on the surface of either aragonite or nascent calcite crystals 
(Brooks, Clark, and Thurston, 1950; Fyfe and Bischoff, 1965; Akin and 
Lagerwerff, 1965; Berner, 1966b and 196?; and others). In an attempt to 
determine if alkaline earth metal ions were adsorbed on the surface of 
aragonite and calcite in this study, the supernatant solution, precipi
tate washings, and the precipitates were analyzed for magnesium and 
strontium (see preceding section on atomic absorption.spectroscopy)„
Data in Appendix C, Table C4 indicate that magnesium was removed from 

the surface of the precipitates by both distilled water and NaCl wash
ings. The amount of magnesium freed by the NaCl solution is
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Table 8. Inhibiting Cation Availability Ratios. 
( mM cation / g aragonite )

Taft (1967) McLester (1969) This Study
23°C 70°C 50°C 24°C

Be _ — <.0117 <.0221

Mg .0515 >.103<.515 .140 >.0614 <.151
Sr — .285 - .150 >.0955 <.405
Ba - - .179 >>.0244
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consistently greater due to the higher ionic strength of the NaCl solu
tion, It cannot be determined, however, if magnesium was desorbed or 
dissolved.

It is customary to divide adsorption into two broad classes: 
physical adsorption and chemisorption. Physical adsorption is rela
tively rapid in attainment and is reversible. Chemisorption may be

i ■

rapid or slow and is distinguishable, qualitatively,, from physical ad
sorption in that chemical specificity is higher and the energy of 
adsorption is large enough to suggest that full chemical bonding has 
occurred (Adamson, 196?)« The NaCl washings for Mg-series precipitates
were consistently high in Mg , therefore, a good case can be made for

-H*physical adsorption or weak chemisorption of Mg but there is no clear 
evidence to support this adsorption.

The magnesium content (Appendix C, Table C4) of predominantly 
aragonite precipitates (58-208 ̂.g/g aragonite) is not the result of en
richment, from the magnesium solutions studied; precipitates from the 
distilled water series experiment display similar magnesium contents 
(88-148 t̂g/g aragonite; Appendix C, Table C2), Moreover, this amount of 
magnesium is more than can be accounted for solely from contamination 
from the NaCl and HC1 solutions used to wash and dissolve the precipi
tates (Appendix C, Table Cl).

At this time it is difficult to determine whether magnesium was 
associated exclusively with either mineral. Magnesium is considerably 

less soluble in aragonite than calcite. Goldsmith (1959) noted that 
aragonite takes no appreciable amount of magnesium into solid solution 
even at 800 C, Natural aragonites contain insignificant amounts of



magnesium— generally less than one mole percent MgCO^ (Chave, 1954; 
Turekian and Armstrong, I960; Lowenstam, 1964). Kinsman (1970) has 
precipitated aragonite from sea water and reported incorporation of only 
trace amounts of magnesium in the aragonite structure, It is therefore 
possible that some magnesium was incorporated in the aragonite used in 
these experiments.

It is also possible that the magnesium is confined to, or con
centrated in, trace amounts of low-magnesium calcite which are coprecip
itated during the preparation of aragonite. A great deal has been writ
ten about the magnesium contents of natural calcites since Chave (1952) 
demonstrated that magnesium is diadochically present in calcite in
marine organisms. The MgCO- content in calcite varies from less than

■one mole persent in madreporian corals (Chave, 1954) and some bivalve 
mollusks (Lowenstam, 1964) to over 28 mole percent in some calcareous 
algae (Chave, 1954). Magnesian.calcites containing up to 20 mole per
cent MgCCy have been produced in the laboratory (McCauley and Roy, 19665 

Glover and Sipple, 1967; Conrad, 1968).
Despite the low calcite content (< 1 percent) of the original 

precipitate, a MgCCy content of 4 mole percent would be sufficient to 
account for most, if not all, of the magnesium observed in the precipi
tate (see calculations, Appendix A). Since none of the aragonite pre

cipitates analyzed for magnesium recrystallized, the mineralogical 
association of magnesium is equivocal.

Analyses of three aragonite precipitates containing less than 
one percent calcite (samples 103-67 through 105-67; Appendix C,
Table C9) show a strontium content of 90 fJLgfg aragonite. The relatively
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large strontium ion prefers 9-fold coordination in aragonite to 6-fold 
coordination in calcite. Strontium forms a carbonate isomorphous with 
aragonite, substituting readily in the aragonite structure. It would be 
expected that strontium would be more abundant in aragonite| Lowenstam 

and others have reported a maximum of 0 .5 mole percent SrCO^ in natu
rally occurring calcites but up to 2 mole percent SrCO^ has been report
ed in natural marine aragonites (Lowenstam, 1964). Jamieson (reported 
in Graf, i960) has prepared a continuous solid solution of aragonite and 
strontianite containing up to 70 mole percent SrCÔ .

Analyses of precipitates from Sr-series experiments indicate a 
7” to 50-fold increase in strontium content (Appendix C, Table 05). The 
low strontium concentrations in the precipitate washings indicate that

-H-very little Sr is desorbed and must therefore be present as a tightly 
bound ehemisorbed phase or as strontianite. X-ray analyses substantiat
ed the presence of strontianite in samples 41-6? and 42-6? and strontium 

carbonate is most likely present in other precipitates in undetectable 
quantities. It is interesting to note that strontium is associated 
exclusively with the aragonite phase (Figure 28). It is suggested that 
strontianite has used the array of unsatisfied charges at the surface of 
aragonite crystals as a template and precipitated epitaxially as an iso
morphous coating on the aragonite. This may be thought of as an ad

vanced form of chemisorption.
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INTERPRETATION OF RESULTS

Chemical Behavior of the Alkaline
Earth Metals

Beryllium tends to behave in a more covalent manner than do the 
other alkaline earth metals. Magnesium does not stand in as close a 
relationship with the heavier members of the series as might be expect
ed; it also has a tendency to form covalent bonds which is consistent 
with its change to radius ratio (ionic potential). Its chemistry is 
intermediate between that of beryllium and the heavier members of the 
seriess calcium, strontium, and barium. These three elements form a 
closely allied series in which the chemical and physical properties of 
the elements and their compounds vary systematically with increasing 
size. Examples of systematic group trends in the series are: (a) in
creasing hydration tendencies of the crystalline salts; (b) decreasing 
solubilities of sulfates, nitrates, chlorides, etc.; and (c) increasing ; 
thermal stabilities of carbonates, nitrates, and peroxides (Cotton and 
Wilkinson, 1962).

The atomic radii of the group II metals are smaller than those 
of the adjacent group I metals, Li-Cs, due to the increased nuclear 
charge; the number of bonding electrons in the alkaline earth metals is 
twice as great. All the elements in this group are highly electroposi
tive as shown by their high chemical reactivities, their ionization 
potentials, their standard electrode potentials, and, for the heavier 
ones, the ionic nature of their compounds. As with group I ions,

. 75 / V



various experimental data suggest that the radii of the hydrated ions 
are greatest for those with the smallest crystall©graphic radii (Cotton 
and Wilkinson8 1962). Several important numerical constants for the 
group II metals are listed in Table 9.

Bonding
Considerable investigations have been made into the bonding 

characteristics of the group II metals t but this discussion will be re
stricted to those which apply to carbonates.

As previously mentioned, the oxides and salts of beryllium and 
magnesium are more covalent than those of the heavier, larger cations in 
the series. This is reflected in the stabilities of the alkaline earth 
carbonates, i.e., the temperatures (°C) needed to decompose the compound 
at me atmosphere of carbon dioxide (Gould, 1955)'

. BeCG^ MgCOy CaCCy SrCCy BaCCy

100° 540° 900° 1290° 1360°
The crystal structures of these carbonates are such that no particular 
metal atom can be said to belong to any specific carbonate radical; 
nevertheless, part of the structure may be represented schematically by:

-H- / 0=M •••0— c C  _
0“

44-In the most stable carbonates, the interaction between M and the near
by oxygen atom of the carbonate radical is essentially electrostatic as
there is a low electron density between the two atoms. As the density of

4~fthe positive charge on M increases the electron cloud on the adjacent 
oxygen becomes more covalent and is distorted toward M . The adjoining



Table 9. Various Constants for the Alkaline Earth Metals.

Element
Atomic
.Weight

Bonding b 
Electrons

ia Ionic 
Bonding0 
(oxide)

Ionic. , 
Potential0

z/r
Ionic Radius (2) 
6-fold^ 9-fold6

Hydration
Diameter*(S)

Be . 9.01 2s2 64 5.7 ; 0.35 . 8
Mg 24.31 ; 3s2 71 3.0 0.66 8
Ca 40.08 4s2 79 2.0 0.99 1.13 6

, . Sr 87.62 5s2 82 . 1.8 1.12 1.24 5
Ba 137.34 6s2 84 1.5 1.34 1.61 ' 5

Ŵeast, 1964.

^Cotton and Wilkinson, 1962. 

cSmith, 1963.
^Mason, 1966. 

eDeVilliers, 1971. 
fKielland, 1937.
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oxygen-carbon bond is weakened and the oxygen-metal bond is strength
ened? break-up of the carbonate to the oxide and carbon dioxide is 
favored.

All beryllium compounds whose structures have been determined, 
even those with most electronegative elements such as BeG and BeFg, have 
at least partial covalent bonding. Pauling (1960) gives the following . 
covalent bonding percentages: Be-0, 37 percent; Be-Gl, 56 percent (see
Table 9 for comparison with other elements in group II). As a result of 
its small size and high ionization potentials, the lattice and hydration 
energies are insufficient for essentially complete charge separation and

• • ' -H- .the formation of simple Be ions. On the other hand, to allow the for
mation of two covalent bonds it is clear that unpairing of the two 2s 
electrons is required. Where free BeXg molecules occur, the beryllium 
atom is promoted to a state in which the two valence electrons occupy 
two equivalent sp hybrid orbitals and the X-Be-X system is linear. 
However, in such a linear molecule the beryllium atom has a coordination 
number of only two and there is a strong tendency for beryllium to 
achieve maximum (four-fold) coordination, or at least three-fold coordi
nation (Cotton and Wilkinson, 1962).

Hydration
Ions in solution interact with and, in a sense, bind the solvent

molecules. In order to understand the behavior of cationic species it
is important to know how many water molecules each metal ion binds by

direct metal-oxygen bonds. In other words, an ion must be regarded as 
r *xan aquo-complex, , which is additionally, and more, loosely,
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solvated. In this case we msh to know the coordination number n and 
the .arrangement of water molecules around the metal ion.

A vast amount of research has been devoted to determination of 
hydration (coordination) numbers for ionic species in aqueous solution. 
The assumptions and experimental difficulties involved have resulted in 
many conflicting.sets of data. Little is known regarding the actual 
number of coordinated water molecules gained or lost during complex for
mation. Most thermodynamic data are based on the assumption that water 
does not enter appreciably into the reactions (other than Debye-Huckel 
interaction) or that the net change in coordinated water is zero. How
ever, bare metal ions do not exist in solution and formation of aquo- 
and other complexes must be considered when dealing with a system in 
which adsorption appears to be a controlling mechanism.

Complex Formation
In general, the tendency for complex formation will depend on 

the structures of both metal ions and ligands, the ability of the metal 
to form chelate complexes, polarizability of both metal and ligand, and 
the type of bonding atoms in the sequestering agent (Ahrens, 1966). 
Ringbom (I963) points out the tendency for complex formation will depend 
on the electron configuration of both metal ion and ligand in the pres
ence of each other.

Unless the metal has a very low coordination number, complexes 
with multidentate ligands will usually be more stable than those with 

unidentate ligands. The metal to ligand ratio is dependent upon the co
ordination number of the metal and the number of donor atoms in the
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ligand. Complexes with metals of high coordination numbers are more 

inert than those with metals of lower coordination numbers; also, the 
greater the charge on the central ion, the more inert the reaction 
(Ringbom, 190). With the exception of beryllium, the alkaline earth 
metals have a coordination number of 6 and complexes of the form ML^ 
would be expected to form where x is any number from 1 to 6,

Reactions may proceed via dissociation or displacement. Dis
sociation is a two step process; the first, or intermediate step, is 
slow, involving a temporary decrease of one in the coordination number 
of the metal; the second is rapid with rupture of the metal ligand 
bond. Displacement involves stepwise substitution of one ligand for 
another with a tempory increase in the coordination number of the metal 
and subsequent bond formation. The alkaline earth metals generally 
complex by dissociation (Ringbom, 1963),

.Among alkali earths the tendency to complex decreases with 
increasing radius in the order: beryllium, magnesium, calcium, strontium, 
and barium. Since these ions each carry a plus 2 charge, ccmplexation 
also decreases as ionic potential decreases. Ahrens (1966) has also 
pointed out that ccmplexation tendencies of pre-transition metals de
crease as electronegativities and ionisation potentials decrease.

Specific Cation Behavior Affecting , 
the Recrystallization of Aragonite

Alkaline earth cations have been shown to have two pronounced 

and strongly opposed effects on the rate of recrystallization of arago

nite in aqueous solution, i.e., catalysis and inhibition.



Catalysis
Of the cations studied g only Ca promoted transformation of 

aragonite to calcite. This was not simply the result of increased ionic 
strength ("salt effect"); ionic strength was increased in solutions of 
other cations as well. The addition of Ca4"*- to a solution in contact 
with a calcium salt (e.g., aragonite) decreases the solubility of cal-. 
cium carbonate by the "common ion effect". As the system approaches 
equilibrium, two processes compete: dissolution of aragonite as it seeks 
to establish equilibrium, and the precipitation of calcite induced by a
decrease in the solubility product of calcite.

- -H-Compared to the smaller alkaline earth ions, Ca has a moderate
tendency to hydrate; it exists in solution as [CafHgO)̂ ] , octahedrally
coordinated by dipolar water molecules. The CO^ and, to a lesser ex
tent* HCO^ ions would be similarly hydrated: [CÔ (Ĥ O)̂ ] and 

[HCCyXHgO)^] • These hydration shells serve to increase the effective 
diameters of the ions (see Tab3.e 9 ) shielding them from ions of opposite 
charge. An increase in ionic strength produced by addition of an elec
trolyte (e.g., Nad) increases the size of the hydration shells sur- 
rounding the cations and anions by adding Na and Cl to the ion clus
ters already in solution thereby decreasing the activity coefficients of

. the ions in solution. The increase in shielding.decreases the probabil-
. ' -H- -ity of interaction between Ca and HCCL and thereby the precipitation

■of calcium carbonate. This decreased interaction results in "pseudo
undersaturation" of calcium carbonate which is compensated by disolu
tion of additional aragonite. At this point the solution is becoming 
increasingly supersaturated with respect to calcite. When a critical
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concentration is attained, the greater number of [Ca(Ĥ O)̂ ] ions in-

4*f *creases the probability of Ca - CO^ interactions and shielding is no 
longer effective in preventing calcite nucleation and precipitation„ 

Addition of an electrolyte containing a common ion (Ca^) has 
the immediate three-fold effect of: (t) increasing the ionic strength, 
favoring dissolution of aragonite; (2) increasing the number of Ca"***- 
HCO^ interactions; and (3) decreasing the solubility of calcite. The 
net effect is solution of aragonite and precipitation of calcite.

In the general system CaCO^- Ĥ O, fully hydrated Ca may com
plex further with OH , HCO , and CO . The resulting complexes will be

3 3
of the form: [Ca(H Ô)̂ OH]"% [CaCH Ô^ ĤCÔ ] , and [Ca(HgO) ĜO ]̂°. The 
AF of all these species is negative (Garrels, i960), Garrels and 
Christ (1965) have listed the activity coefficients and logs of the 
formation constants for the common calcium complexes in solution. These 
authors suggest that [ca(HgO)̂ HCO^]+ is present in only minor amounts in 
natural waters because of the low hydroxyl ion concentrations commonly 
encountered. Little is known about the neutral ion pair, [Ca(HgO)^CO^]° 
(Lafon, 1970). Martin (196?) maintains that although concentrations of 
these complexes are low in natural systems, they are the dominant inor
ganic calcium complexes and may be quantitatively important with respect 
to carbonate equilibria. With the exception of beryllium, alkaline 
earth cations do not hydrolyze in solution, therefore they have only a 

Slight tendency to form hydroxyl complexes; Addition of Cl to the sys
tem would theoretically favor formation of a calcium-chloro complex but 

the presence of the electrolyte promotes slight hydrolysis favoring for

mation of the HCO-j” and OH” complexes (Hem, 1959).
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The hydrated cations carry an over-all plus 2 charge which is 

accentuated by the arrangement of water dipoles around the central ion 
(Figure 29, step 1). Negatively charged ion clusters (hydrated anions) 
are attracted to the hydrated cation (Figure 29, step 2). If the 
mutual electrostatic attraction is sufficiently high, the clusters 
will be pulled together and one water molecule will be forced out (step 
3). The two clusters then share one water molecule„ As dehydration 
proceeds, more water molecules will be lost (step 4) until calcium car
bonate is formed by total dehydration. This may occur either in solu
tion or in the adsorbed layer on the crystal surface. The former 
process is nucleation, the latter, growth.

The surface of the solid phase is hydrated in much the same 
manner as are individual cations. Water dipoles are attracted by local
ly unsatisfied, bonds at the crystal surface forming an adsorbed mono
layer at the solid-liquid interface (Figure 30). Solvated ions migrate 
to the surface boundary and may be adsorbed on the water monolayer.
Once adsorbed, the solvated ion is relatively free to migrate along the : 
monolayer to a more favorable site. If the lattice energy of the solid 
is sufficiently high, the hydrated ion will penetrate the surface mono
layer, lose several water molecules, and become chemisorbed at a specific 
site. At any one of these stages solvated anions and cations may inter
act and become partially dehydrated. If chemisorption occurs at an 
active growth site, the ion(s) will become completely dehydrated and 
incorporated into the crystal structure.



Step 1

M(H20)6'

T* +

Step 2

M(H20)6 :(H20)6r

^ -b

> -h
Step 3 

hM(H20)5:H20:(H20)5X-

j- t

Step 4

[m (h20)10x] +

Figure 29. Diagrammatic steps in the formation of a hydrated complex.
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CaCO

Solvated cations

Specifically adsorbed 
anions

'j Normal water structure

Primary hydration layer 
Secondary hydration layer

Figure 30. A model of the hydrated CaCO^ surface.
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The details of the above reaction are neither well known nor

well understood, but it is obvious that both adsorption and complex
dissociation are involved.

It was demonstrated in a preceding section (see Results and
Discussion: Nucleation and Growth) that data for calcite nucleation and
growth, in the absence of inhibiting ions, follows the relation 

2C(t)~kt where C is the weight percent calcite at time t and k is the
rate constant. Berner (1971) points out that the data are better repre-

3/2sented by the expression C(t) = kt . This empirical expression refers
3/2mainly to growth on a constant number of initial nuclei; the t 

dependency indicates diffusion-controlled growth.
Bischoff and pyfe (1968) have demonstrated that the rate reac-

2 44-tion depends not only on t but on the activity product of Ca and HCO^
as well. Nancollas and Furdie (1964) suggested that ion pair formation 
and expulsion of hydrating water prior to incorporation into the crystal
structure can be rate controlling.

It is therefore postulated that the rate controlling step for 
the aragonite-calcite transformation in aqueous solution is the forma
tion of an intermediate complex of the general form [ca(Ĥ O)̂ (KCÔ )] + 
and its subsequent dehydration and precipitation at the crystal surface.

Inhibition
Varying degrees of the retardation of the aragonite-calcite

44- 44- 44- 44-transformation were exhibited by Be , Mg , Sr , and Ba . An inhib

iting cation availability ratio (the availability ratio at which the
rate constant is zero) was determined for each cation and the values
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compared. On this basis, the order of effectiveness in preventing 
recrystallization is: beryllium> magnesium > strontium> barium.

+3instead it forms a stable trimer, BeCH^O^COH) , by the sharing of 
tetrahedra comers (Cotton and Wilkinson, 1962):

HO— Be’(OIL) o
/ \

(OHp)p-Be OH\ /
HO— Be-(0H2)2

This tendency to complex and remain in solution at acid pH was over
looked by Mason (1966) when he predicted precipitation of Be(OH)2 solely 
on the basis of the relatively large ionic potential (Z/R = 6.5) of Be*^. 
The firm hydration of beryllium results in a hydration radius of 4 5 
(Table 9) with an ionic potential of 0.50; the hydrated Be** would be 
expected to be highly active in acid solution.

Furthermore, beryllium is so firmly complexed by H^O and OH 
that it strongly resists dehydration. Most beryllium compounds are 
extremely hygroscopic; half of the known beryllium minerals contain 
tightly bound H20 or OH radicals (Ross, 1964).

At pH values above 7, beryllium hydroxyl complexes are readily 
adsorbed (Hem, 1959) but the high hydration energy of the complexes pre
vents total dehydration and release of sequestered anions; at lower pH 
values hydrated Be is less strongly adsorbed than the larger alkaline 
earth cations.

Beryllium. Solutions of all beryllium salts are acid (see 
Figure 8) due to hydrolysis of Be** which exists in solution only as a 
firmly hydrated [Be(H20)J tetrahedron. The hydroxyl complex,

precipitation in the absence of excess OH ;
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The author suggests that beryllium, in the concentrations stud

ied, prevents recrystallization of aragonite by lowering the pH of the 
unbuffered solution, and by decreasing the probability of interaction 
between hydrated Ca and HCO^ (i.e., lowering the activity coeffi-

++ —. 4-K —cients of Ca and HCO^ ). The presence of Be and Cl in solution
decreases the number of collisions between Ca and HCO^”. Furthermore,
the size of the hydration shell surrounding Ca** may be increased by the
addition of Cl to the cation cluster. Beryllium most likely decreases
the probability of Ca***- HCCy" interactions by interferring with the
CCy -HCO^ equilibria. This may be accomplished by forming the

[BefHgGO^HCO^]* complex or possibly by adsorbing HCO^” onto the stable
trimer:

HO— Be^HCOj)
(H90)9*Be OH\ /

HO— Be- (H20)2
Magnesium. The solution chemistry of magnesium is somewhat sim

ilar to that of beryllium but due to the essentially ionic nature of the 
bonding and its larger radius important differences arise. The octahe- 
drally coordinated hydrated ion, [Mgf^O)^]^ binds water in the first 
hydration sphere much less strongly than does [BeC^O)^*^ The hydra
tion energy is sufficiently high to explain the reluctance of magnesium 
to precipitate from even supersaturated solutions. Garrels, et al.
(i960) observed that if precipitation is forced by evaporation, nesque- 
honite (MgCOy^HgO), not magnesite (MgCÔ ) forms.

Like beryllium, magnesium forms aquo, hydroxyl, and bicarbonate 

complexes. Complexes of the form [MgfHgO)̂ ] and [MgtHgCO^tOH)]
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would decrease the probability of Ca - HCO^ collisions in the solution 
and alter carbonate equilibria by the addition of HCÔ *" to the hydration 
sphere or by formation of [%(HgO)^(HCO^)] and [Mg (H^O)̂  (HC0̂ )] + com

plexes.
The hydrated magnesium ion or magnesium complex may be adsorbed 

on the surface of either aragonite or calcite. Analyses of super
natant solutions and precipitate washings indicated either adsorption of 
Mg (or a magnesium complex) or the formation of a thin layer of magne- 
sian calcite. Data are equivocal, however, as washing the precipitate 
with NaCl would desorb or dissolve any magnesium on the surface layer. 
Adsorption of fully hydrated Mg** would be non-specific; chemisorption 
and partial dehydration, however, occur specifically on the calcite 
surface. Chemisorption of Mg** is preferred on the calcite surface be
cause the Mg-0 bond distance (2 .05 2) is closer to the Ca-0 bond dis-

o otance in calcite (2.30 A) than to the Ca-0 bond distance (2.53 A) in
aragonite (Pauling, I960; Wycoff, 1920; DeVilliers, 1971). Analyses of 
aragonite precipitates (< 1 percent calcite) indicated no increase in 
magnesium content, but magnesium would be enriched in only the calcite 
phase; such an increase would be undetectable except by microprobe or 
neutron activation analysis. Although recrystallized precipitates of 
the Mg-series were not analyzed for Mg** by atomic absorption spectros
copy, X-ray analyses indicated no shift in calcite d-spacings which 
would indicate formation of a magnesium-enriched calcite.

Bischoff (1968) has demonstrated that the Mg** concentration in
the supernatant liquid decreases during lag time to a minimum after

•++which calcite formation proceeds. Bischoff maintains that Mg is
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continually removed from solution by adsorption on calcite nuclei until 
the concentration is too low to further interfere with recrystalliza- 
tion. Phrased another way, Bischoff suggests that hydrated Mg is ad
sorbed on calcite growth sites and remains there preventing growth until 
it is dehydrated and incorporated into the crystal structure. Unfortu

nately, Bischoff did not report any Mg**"** analyses for his calcite pre

cipitates.
Bischoff*s model would serve to explain not only inhibition but 

the formation of high-magnesium calcite as well if it were not for the 
observation of Glover and Sippel (1967) that high-magnesium calcites 
show a marked tendency to recrystallize to aragonite in aqueous solu
tions. Obviously an important piece to the puzzle is still missing.

served a second order decay in the nucleation time of calcium carbonate 
in magnesium-free sea water, but observed a sixth order decay in the 
presence of magnesium. This indeed suggests that many more ion colli
sions are necessary to form calcium carbonate nuclei in the presence of

undersaturated with respect to calcite and recrystallization will be re
tarded. 14cLester (1969) has shown the lag time to be proportional to 

++the initial Mg concentration of the solution; high magnesium concen-

The author suggests that Mg’*-*- inhibits the recrystallization 
process in much the same manner as Be**"**, i.e., Mg in solution de
creases the probability of Ca"*̂ - HCO^ collisions. Pytkowicz (1964) ob-

"M- +■+■Mg . In addition. Mg forms hydroxyl, bicarbonate, and aquo-
complexes solution will become

trations sequester more HCO and are more effective in retarding cal
cite nucleation and growth. Recrystallization proceeds when more HCO,



becomes available by: (1) formation of HCO^ from dissolved carbon

dioxide, (2) dissolution of aragonite, or (3) dissociation of HCCy" 
from the magnesium complex.

The decrease in Mg*"* concentration in the supernatant liquid 
observed by Bischoff (1968) need not indicate incorporation of Mg into 
the calcite structure but may reflect adsorption of Mg*"* on aragonite 
and calcite surfaces. Bischoff filtered his samples prior to analysis 
but filtration alone will not remove adsorbed species.

•H-
It has been pointed out in a preceding section that Mg com

plexes prefer sites on the calcite structure to those on aragonite.
++Therefore, Mg will be present at or near calcite growth sites as 

Bischoff has suggested. However, it is doubtful that the lattice energy 
of the growing calcite crystal is adequate at the magnesium concentra
tions studied to dehydrate Mg**. The author suggests that HCÔ ** is de

sorbed from the Mg complex at the calcite surface and incorporated 
into the calcite structure. This desorption process may explain the 
sixth order decay in the reaction rate observed by Pytkowicz (1964) and 
the decrease with reaction rates with increased Mg** observed in this 
study and that of McLester (I969).

The inhibiting availability ratio determined by extrapolating 
the rate constant to zero is a convenient means to express the empirical 
relationship between the Mg concentration in solution and the amount 
of calcium carbonate available to counteract the effects of sequestering 
and adsorption.

Strontium. Strontium inhibits recrystallization by the forma-
++tion of complexes analagous to those formed by Mg . However, because
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++ 44"of its larger radius, Sr is not as firmly hydrated as Mg nor is the

attraction for HCCy in the [Sr(f^O)̂ (HCO^)] complex as strong. Stron
tium can inhibit aragonite transformation by sequestration of HCCy but 
as the stability of the [Ca( ^ 0 ( HCO^)] complex is greater, hydrated
Ca** can "capture“ the HCÔ *. Strontium complexes are more strongly ad-

4-f 44- 44sorbed than Be , Mg f and Ca complexes and prefer sites on aragonite
to those on calcite. It should be noted that if the solubility product

44of strontianite is exceeded, Sr chemisorbed on the aragonite surface 
is precipitated as strontium carbonate on the aragonite.

Extremely high concentrations of Sr** are required to signifi
cantly inhibit aragonite recrystallization. The similarity in the 
shapes of the magnesium and strontium reaction rate curves indicates a
similar rate controlling step, i.e., sequestration of HCO by hydrated

44 44
Sr and subsequent desorption by either Ca or the growing calcite
surface. As with Mg , the reaction rates decreased with increased Sr 
concentration.

Barium. Barium is the least firmly hydrated of all the alkaline 
earth metals studied and forms less tightly bound complexes than the 

lighter members of the series. Barium exists in solution as [BafHgO)j**
but the stability of this aquo-complex and the tendency to sequester

— 44"HCO^ is weaker than that of strontium. For these reasons Ba is
assumed to be less effective in retarding the aragonite-calcite trans
formation than Sr although data obtained in this study indicate only

44 44 44that Ba is less effective than Mg and approximately the same as Sr
in retarding recrystallization.
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..Barium complexes are less stable and show less tendency to re

main in solution than strontium complexes, consequently they are more
-H- -H-strongly chemisorbed on aragonite. Like Sr , Ba will precipitate as 

an is amorphous carbonate on the aragonite surface if the solubility 
product of witherite is exceeded.

The effectiveness of the alkaline earth metals in inhibiting , 
recrystallization of aragonite to calcite is: beryllium > magnesium >
strontium > barium. This order is the same as that for the stabilities 
of complexes of these ions (Ahrens, 1966); it is also the same as the 
solubilities of the alkaline earth carbonates. This would be the ex
pected order of effectiveness if a solution effect (sequestration of 
HCCy ) inhibits recrystallization. A solution effect is further sup
ported by MeLester (I969) who has shown the inhibiting concentration of 
an alkaline earth metal to be a linear function of the formation con
stant of a bidentate ligand (tetramethylammonium chloride). If a sur
face effect, e.g., adsorption, inhibits recrystallizatioh, a size param
eter such as ionic radius or ionic potential should be a linear function 
of the inhibiting cation availability ratio. No such relationship could 
be found.

Speculation Concerning Carbonate Diagenesis 
It is not the author* s intention to review the voluminous body 

. of literature on carbonate diagenesis, but merely to speculate on the 
role of beryllium, magnesium, calcium, strontium, and barium in diagen- 
etic processes in areas of modem carbonate depostion.
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Distribution of the Alkaline Earth Metals
Sea Water. The average concentrations of these elements in sea 

■water is given in Table 10. The distribution of calcium and magnesium is 
fairly uniform but significant regional variations in strontium and 
barium have been reported (Bolter, Turekian, and Schutz, 1964; Turekian, 
1964; Turekian and Schutz, 1965; Bacon and Edmond, 1972; Bernat, Church, 
and Allegre, 1972). Average values for the strontium concentration fall 
within the range 7.4-8.1 ppm. The distribution of barium is much less 
uniform but Turekian and Johnson (1966) report an average value of 
0.020 ppm.

Interstitial Water. Concentrations of the alkaline earths in 
interstitial waters are highly variable and depend to a large extent on 
the mineralogy of the sediment. A number of analyses have been made on 
water from noncalcareous silts and arenaceous sediments; there is a gen
eral decrease in concentration of these elements with depth due to car
bonate precipitation, sulfate precipitation, and adsorption by clay 

minerals (Siever, Beck,- and Berner, 1965; BrooksPresley, and Kaplan, 
1968; Michard, Church, and Bernat, 1972).

Berner (1966b) has analyzed numerous samples of interstitial 

water from cores taken in Bermuda, Florida Bay, and the Everglades. In
terstitial water from mangrove swamp sediments (marl) show increasing 
magnesium and calcium concentrations with depth. The increased cation 
concentration is not accompanied by a corresponding increase in chlorin- 
ity and, consequently, the Mg++/Cl“ and Ca^/Cl ratios are slightly 
higher than in sea water. In contrast, water from the carbonate sands 
and muds of Bermuda and Florida Bay show marked increases in calcium and
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Table 10. Concentration of Alkaline Earth.Cations in Sea Water. 
(After Goldberg, 1965)

Ion Concentration
ppm moles/liter

.Be • 6 x 10* 606? x 10
~2Mg 1350 - v 5.55 x 10
-2Ca 400 1.02 x 10
=5Sr 8 9.14 x 10

=2 =7Ba 3 x 10 2.19 x 10



magnesium concentrations -with depth accompanied by a concomitant in-
» <B9 t «s»crease in chlorinity. The Ca /Cl and Mg /Cl ratios are the same as 

in the overlying sea water. Berner suggested the values indicated no 
diagenetic alteration in the near surface sediments of Bermuda and Flor-r 
ida Bay, but that the increase in the magnesium content in the Ever
glades samples represented dissolution of high-magnesium calpite and re-

•H- . c*crystallization to low-magnesium calcite. The Sr /Cl ratios remained 
constant with respect to sea water indicating no recrystallization of 
aragonite.

Previously Taft and Harbaugh (1964) had reported a two-fold in
crease in magnesium and a three-fold increase in calcium contents rela
tive to sea water in two cores from Florida Bay. These results are in 
direct conflict with those of Berner (1966b) but may reflect a local 
anomaly. Such increases in calcium and magnesium values strongly indi
cate concentration by either: (1) adsorption on fine-grained carbon
ates, (2) chelation or complexation by organic ligands in the pore 
water, or (3) dissolution of high-magnesium calcite. Similar enrichment 
of calcium and magnesium was reported for interstitial water from cores 
taken west of Andros Island in the Bahamas.

Sediments. As previously mentioned in the Introduction, the 
concentration of alkaline earth metals is generally.controlled by the 
mineralogy of the carbonate phase, although biologically controlled ex
ceptions exist. Aragonitic sediments are relatively high in strontium 
and low in magnesium; calcitic sediments may be high in magnesium if 
they contain magnesian calcites. Trace amounts of beryllium are often 
associated with aluminum in clays from deep-sea cores but beryllium is
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virtually absent in carbonate sediments. Barium is generally associated 
■with clays, sulfate-rich sediments, and manganese nodules, but Turekian 
and Tausch (1964) have reported 10-30 ppm barium in carbonate tests from 
deep-sea sediments. Barium appears to be biochemically concentrated but, 
like beryllium, it is relatively unimportant in carbonate diagenesis.

. Hypersaline Waters. Sea water that has, been concentrated by 
evaporation, especially in areas of Recent dolomitization, has been 
found to have Mg /Ca ratios of 10-20, far in excess of the ratios 
found in normal sea water (Deffeyes, Lucia, and Weyl, 1965; Alderman, 
1965; Illing, Wells, and Taylor, 1965). The Sr^/Ca ratios of similar 
brines are only slightly higher than the mean value for sea water 

(Kinsman, 1969).

Relative Importance of Magnesium
Of the cations shown in this study to inhibit recrystallization 

of aragonite, only strontium and magnesium exist in sufficient quanti
ties in the marine environment. The strontium content of surface and 
interstitial waters (Table 10) appears to be insufficient to retard the 
transformation of aragonite. Furthermore, Green (196?) has demonstrated 
that the prevalence and persistence of aragonite in the marine environ
ment is not explained by thermodynamic stabilization by the presence of 
strontium in the aragonite structure.

The effectiveness of magnesium in retarding recrystallization 
has been demonstrated in this and other studies. Although the mechanism 

of this inhibition has been a subject of speculation, it has been well 
documented that, there is no tendency for aragonite to recrystallize if



contact -with magnesium-rich waters is maintained either in the labora
tory or the natural environment.

Diagenetic Processes
Cementation. The interaction between carbonate sediments and 

natural waters depends on the chemistry of the water and mineralogy, 
size, and surface characteristics of the sediments. In areas where 
metastable carbonates are presently forming, aragonite and high- 
magnesium calcite are the expected and observed cementing agents.
Illing .(195̂ )j Purdy (1963), and others have reported aragonite cements 
in Bahaman grapestone; Taft, et at. (I968) have discussed in detail the 
occurrence of lithified blocks from the Bahamas which are cemented ex
clusively by aragonite. Fischer and Garrison (1967) pointed out that 
carbonate precipitation and lithification is not confined to shallow 
tropical waters. Lithified crusts of Globigerina-rich sediments have 
been dredged from depths of 200-2000 m in the Mediterranean and off the 
coast of Barbados. The cementing material in both samples is micritic 
high-magnesium calcite (5-13 mole percent MgCCy).

Carbonate sediments and rocks in contact with fresh water are 
commonly cemented by low-magnesium calcite. If marine sediments origi
nally composed of metastable carbonates are no longer in contact with 
sea water, recrystallization cannot be prevented. Consequently, when 
aragonitic sediments.come in contact with rain water or ground water 
undersaturated with calcium carbonate, solution proceeds. If the rate 
of percolation in the aerated zone is high, no reprecipitation of cal
cium carbonate can take place; however, if percolation rates are
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moderate, dissolution of aragonite and reprecipitation of low-magnesium 
calcite occur concurrently (Harris and Matthews, 1968). Microprobe 
studies of the magnesium content in the cement indicate little or no 
addition of magnesium-deficient calcite at the outer rim, suggesting 
that most of the cementation occurs while high-magnesium calcite exists 
up-gradient in the sediments to contribute magnesium to the ground 
water. It appears that solution and reprecipitation are promoted by the 
presence of the more soluble metastable carbonates and that this type of 
cementation is more important than that promoted by variations in Pqq^ 

or temperature (Benson and Matthews, 1971).
The origin of beachrock has been a subject for speculation for 

many years. In contrast to the direct or indirect biochemical precipi
tation of many carbonates, beachrock cement may be a product of direct 
chemical precipitation. The air-water interface of interstitial water 
in beach sands fluctuates with wave and tidal action. When the water 
level is low* the evaporation of moisture on the sand grains results in 
the precipitation of a thin aragonite coating; repetition of this pro
cess results in eventual lithification. Beachrock may also form above 
the intertidal zone by solution of carbonate sand by rain water and pre
cipitation of calcite on grain boundaries. Vertical capillary movement 
of the water and subsequent evaporation result in precipitation of low- 

magnesium calcite cement (Taft, et al., I968).
Recrystallization. In the writing of this report the term re

crystallization is preferred to inversion. Recrystallization is a more 
general term describing transformation by either solid-state or solution 

processes. Inversion implies a solid-state transformation, and it was
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demonstrated in the Introduction that measurable solid-state transforma
tion of aragonite to calotte is restricted to conditions of high temper
ature and pressure. The question of solid-state transformation vs. 
solution-reprecipitation probably would not have arisen if primary 
structures were, not well preserved in recrystallized limestones. Gener
ally, solution-reprecipitation processes are thought to obliterate orig
inal texture, whereas textures may be preserved by solid-state inver
sion. In view of the perfect textures preserved in many limestones, 
investigators have concluded that, if the original sedimentary particles 
were metastable carbonates, solid-state inversion had occurred.
Bathurst (1964) has discussed the problem in some detail and implied an 
in situ solution and replacement of aragonite by calcite not unlike the 
replacement of cellulose by silica in petrified wood. A solution- 

reprecipitation process is necessitated by the mineralogy of the
replacing calcite. If aragonite inverted to calcite in the absence of a

. -H-fluid phase, the resulting calcite should have the same Sr /Ca ratio 
as the original aragonite. Calcites with such strontium concentrations 
are unknown (Kinsman, 1969). Furthermore, it has been demonstrated that 
the metastable carbonates preferentially concentrate ^ 0  and slight

ly in comparison to low-magnesium calcite (Tarutani, Clayton, and

Mayeda, 1969; Rubinson and Clayton, I969). Calcite which has formed from
18aragonite by solid-state inversion should retain the slightly higher 0 

13and C values of the parent aragonite and high-magnesium calcite, but 
no such enrichment has been observed. It would appear, therefore, that 
preservation of fine textures is probably the result of a dissolution- 

reprecipitation process which dees not necessarily produce an
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intermediate stage of void development. Migrating films of solution may 
produce changes in mineralogy, isotope ratios, and trace element concen
trations without leaving obvious textural evidence of replacement. The 
absence of magnesium in these liquid films would encourage the solution- 
reprecipitation process.

It has been well established that magnesium in sea water can 
retard the recrystallization of aragonite for an indeterminant interval, 
however, only recently has any attempt been made to define the nature of 
this mechanism. It appears that magnesium is effective in preventing 
recrystallization because: (1) it is adsorbed on the growing calcite
nucleus and blocks growth sites, or (2) it forms a complex (which is 
probably adsorbed on the calcite surface) which sequesters HCO , there- 
by interfering with the carbonate equilibria.

Carbonate-Organic Interactions. Organic compounds may influence 
the formation, persistence, and diagenesis of metastable carbonates. 
Recently geochemists and sedimentologists have recognized that natural 
water environments are not inorganic systems. The overlap between the 
biosphere and the hydrosphere results in direct and indirect biological 
precipitation of calcium carbonate as well as the contribution of numer
ous organic compounds to the water. Particulate matter may serve as
nuclei for precipitation of dissolved organic material. Such aggre-

-M-gates contain proteins, peptides, calcite, and adsorbed Ca , Sr ,
Mg , and Ba (Chave, 1965).

Proteins and peptides from phytoplankton and some algae are thev 
chief sources of the amino acids in sea water; organisms also contribute
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carbohydrates, humic acids, and lignins (Tasumoto, et al., I96I), all 
of which are excellent sequestering agents„

The tendency for calcium and magnesium to combine with these 
complexes and chelates is high (Hoffman, 1969); consequently, the bulk 
of the amino acids in sea water are in the combined form. The neutral 
and basic amino acids have been shown to catalyze the recrystallization 
of aragonite, whereas the acidic amino acids inhibit recrystallization 
(Jackson and Bischoff, 1971). These authors suggest that retardation is 
caused by adsorption of amino acid molecules on the mineral surface. 
Huang and Conrad (1972) find no evidence for such adsorption but do not 
offer an alternative mechanism. It it possible that the amino acids 
may sequester HCO^ in a manner similar to that suggested for magnesium.

It is generally accepted that dissolved, surface active organic 
molecules prevent or severely inhibit interactions between carbonates 
and sea water (Chave, 1970). Furthermore, interaction between dissolved 
organic compounds and calcium carbonate surfaces is apparently respon
sible for the supersaturation of sea water with respect to calcite 
(Suess, 1968). The ubiquitous presence of mucilaginous coatings on car
bonate grains has been reported by nearly every researcher in the field 
of carbonate sedimentology. This proteinaceous matrix is generally con
sidered to be an algal secretion (Shearman and Skipwith, 1965) and may 
influence the deposition of calcium carbonate by concentrating the 
appropriate ions at charged sites on the protein matrix (Bitterer,

1968).
Organic complexes probably augment■the role of magnesium in car

bonate diagenesis; in fact it is doubtful that magnesium affects
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carbonate interactions independent of organic compounds in the natural 
environment. Furthermore, it is indicated that organic complexes in
fluence the precipitation of carbonates and their subsequent diagenesis. 
Concentrations of these organic compounds are highest in a narrow zone 
extending just above and below the sediment-water interface where bio
logic activity is high, where carbonates are precipitating (Taft, et 
a l 1968)» and where diagenetic processes are dominant.

Only future investigations will be able to determine whether 
organic.or inorganic processes dominate carbonate precipitation and 
diagenesis.



SUMMARY AMD CONCLUSIONS

The effectiveness of beryllium, magnesium, strontium, and barium 
in preventing recrystallization of aragonite to caicite appears to be a 
solution phenomenon not solely a surface effect. The effectiveness of 
these cations follows the order of the relative stabilities of the alka«» 
line earth metal complexes and the solubilities of their carbonates: 

beryllium > magnesium > strontium > barium 
These cations prevent recrystallization of aragonite by decrees- 

ing the probability of interaction between hydrated calcium and bicar
bonate ions. Carbonate equilibria are altered by the formation of 

1 [MtHgCÔ fHCÔ )] and [M(HgO)̂ (HCÔ )] complexes. The rate controlling 
step is sequestering of bicarbonate ions by hydrated alkaline earth 
cations followed by desorption and dehydration of bicarbonate ions on 
the growing caicite surface.

104



APPENDIX A 

CALCULATIONS

105



Determination of Weight $ Calcite and Aragonite

Peaks used for the determination of the aragonite/calcite intensity
ratio ( l/ljL = 100) s

low-Mg calcite 104 29.40° 28
aragonite 111 26.22° 28

From Figure A1 peak intensities are:
low~Mg calcite 68.2

6.8_

aragonite
1070"

Intensity ratio aragonite/low=Mg calcite:
10.0/61.4 = 0.163 

From Figure A2 the weight $ aragonite is 34=5 and by difference the 
weight $ calcite is 65o5«
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Figure

68.2

Calcite 
104 

29.9° 26

20
17.2

Aragonite 
111 

26.2° 26
7.26.8

Sample 30-67

25 2330
Degrees 26

Diffraction pattern and peak intensities for determination 
of calcite and aragonite percentages.
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Figure A2. X-ray calibration curve.
From Taft and Harbaugh, 1964.
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Equilibrium Calculations for the System Aragonite- 
Distilled Water in Contact with Atmospheric CÔ

The system is defined by the equations:
2CaCCy + H20 ̂  2Ca++ + HCOj" + COj* + OH” (1)

C02 + H20 *=^H2C0y=* H*f + HCCy" (2)
Constants for the species involved are:

[Ca++] [C03=] aragonite = <3)

[ H+] [HC0„~]3—  = io-6'4 (4)[H2C03]

[h+] [co,=] = ID"10-3
[KGOj-j (5)

[h+] [oh-] = io-14 (6)
= 10-3 -5 (7 )C02 atmospheric

l a ]  = 10-1-5 (8)
[PC02]

[H2C03] = 10-1-5 P = 10-1-5 X 10"3 *5

= io*5 (9)
Expressing concentrations in terms of [h+] :

[HCO3-] [ H+] = IO"6,2* [H2C03J = IO-6 ,4 x 10-5
= IQ-11*1*’

[hco3-] (10)[ «  J
[C03=] - 1Q-10-3 [HCO3-] = IQ- 21-7 (11)

[ h + J  [ h + J 2
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[otr] = IQ-1'*- (12)

[h+]
[Ca++] = IQ"8-16 = [h+]2 (13)

K = ]

To maintain neutrality:

2nCa++ + V  = 2mco3= + mHC03- + m0H- (14)

Substituting the values in equations 10-13 into equation 14: 
2 x io13-5 [h+]2 + [h+] =

2 x 10-21-7 + 10-11*4 + 10-lk

[h+]2 [h+] [h+]

2  x  1013-5[h+]4 + [H+]3 = 2  x 1 0 - 2 1 . 7  + l o " 1 1 - 4 ^ ]

+ io-14[h+]

Since 10” [h+] is «  the other terms and may be ignored and expressing
all numbers in powers of 10 and collecting terms we get:

1013e8[H+]4 + [h+P  - 10“11,/f[H+] = 10~21’4 (15)

Solving by inspection we get:

[h+] =  io-7-8

Then
[Ca^] = IO"2-06
[co3= ]= io-6-1
[HCO " ] = IO-3-6 
[OH-] = IO-6,2
[,h2co3] = 10"5



Preparation of NaCl Washing Solutions for Adsorbed Species

Where I is the ionic strength of the solution, c is the concentration 
and z is the charge on the ion in solution.

iMgClg = * * M 4 +
= i (6M)
= 3M

INaCl = I ̂  [na+] + [C1-]
= i (2M)
= 1M

400 ppm Mg = 400 x 10”  ̂g/l 

(24.32 g/l) / 1M = (400 x 10-3 g/l) / xM 
x = 1.645 x 10"^ M 
= 0.01645 M

IMgCl2 = 3M
= 3(0.01645)

= 0.04935

For a solution where = we neeĉ  0.14805M NaCl
(58.41 g NaCl)/M = x g NaCl/0.148C5M 
x = 8.64?6 g NaCl/liter



Magnesium Content in the Original Precipitate
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If the low-Mg calcite seed crystals contain 4 mole $ MgCGy then:
4 mole wt. MgCGy + 96 mole vrt. CaCO^ = 100 mole wt. low-Mg

calcite (1)
mole wt. MgCO^ = 84.32
mole wt. CaCO^ = 100.0

Substituting these values in equation 1:
4(84.32) + 96(100.0) = 100 mole wt. low-Mg calcite 
3.373 x 10^ + 96 x 10^ = 100 x mole wt. low-Mg calcite
99.37 x 10^ = 100 x mole wt. low-Mg calcite
99.37 = mole wt, low-Mg calcite 

The weight $ MgCO^ will be given by:
mole wt. MgCO^ x no. of moles x 100
mole wt. low-Mg calcite x no. of moles

= weight $ MgCO^ (2 )

(8.432 x 10)(4)(102) 33.73 x 103
_ - = - = 3.40%

(9.9373 x 10)(102) 9.9373 x 10^
MgCO^ is 3 A 0% by weight of low-Mg calcite which contains 4 mole % MgCÔ ,
The weight % Mg in MgCO^ is given by:

mole wt. Mg x 100
mole wt. MgCO^

= wt. % Mg in MgC0_ (3)

(2.432 x 10) 10
  = 28.8$

8.432 x 10
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The weight # Mg in low-Mg calcite containing 4 mole ^ MgCO^ is: 

(wt. io MgCOy in low-Mg calcite)(wt. ^ Mg in MgCO^) =
wt. % Mg in low-Mg calcite

(3.W)(2.88 x 10-1) = 0.

If low-Mg calcite constitutes < 1% of the sample, for example 0.75$,
and the [ca"*̂ ] of the solution indicates 7.22 x 10*™̂  g aragonite have
dissolved, then, if the original weight of the precipitate was 0.20007 g:

0.20007
- 0.00072
0.19935 g aragonite were filtered and dissolved in 30 ml of 

0.06N HC1,

(1.9935 x 10~1g)(7.5 x 10-3) = g low-Mg calcite dissolved
= 14.96 x IQ-^g 

Assuming this low-Mg calcite to contain 4 mole $ MgCO^ then:
(1.496 x 10"3)(0,980 x 10  ̂g Mg/g low-Mg calcite) =

1,466 x 10"5 g Mg4*1- dissolved

Or
(14.66 x 10-6 g)/30 ml 
0.489/ig/ml

Since neither the mole $ MgCO^ in the low-Mg calcite nor the actual $ 

of low-Mg calcite in the samples is known, and since the value given 

above represents a maximum, we may safely say the Mg present in the

seed crystals of low-Mg calcite in the original aragonite precipitate
represents the Mg analyzed in solution. There is no evidence that MgCO

3
has been precipitated during the course of the experiments. (See Table 
04, Appendix C.)
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Approaching the problem in a slightly different manner and assuming 
the solubility of aragonite to be 1.35 % 10“  ̂g/100 ml, then:

5.4 x ICT4 g aragonite will dissolve in 40 ml.
This represents 5.4 x 10~^ g Ca++/ml.
If 0.1000 g aragonite were in contact with 40 ml distilled water

—4 ++5.4 x 10 g Ca would dissolve and 0.0995 g of aragonite would remain.
If 0.75/& of the sample is low-Mg calcite containing 4 mole % MgCÔ , then

(9.95 x 10~~g)(7.5 x 10~3) = g low-Mg calcite dissolved
= ? M  x 10*^ g

Of this 0.980# by weight is Mg:
(7.46 x 10”̂ )(0.980 x 10”2) = g Mg"*4" in solution

= 7*41 x 10-6 g 
(7.31 x 10“° g Mg)/30 ml = .24 x 10-6 g Mg/ml

= .24 fig, Mg/ml
Analyses for samples 103-68 and 104-68 (Appendix C, Table C2), when 
corrected for contamination by the HC1 (0.15 fig ^total^ are ^.25 and
0.15 fig Mg/ml in good agreement with the calculated value. The
range of values for the Mg content of the remaining precipitate is 
therefore, 0.2-0.5 /ig/ml. The values given in Tables C2 and C3 are in 
this range.
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Table Bl. Recrystallization Experiments: Distilled Water Series

Sample
Chemistry 
of Solution

Volume
(ml)

Weight of 
Aragonite 

(g)

raM Ca*5"1" 
g precipitate 
initial final

Duration
(days) pH

Mineralogy 
Aragonite Calcite 
(weight io) (weight $)

17-64 distilled 50 .1996 - nd 0 9.2 99+ trace
water 32 8.3 80 20

37 9.1 60 40
75 8 .8 15 85
81 8.7 0 100

57-64 distilled 50 .2003 = nd 0 nd 99+ trace
water 64 8.5 50 . 50

70 8.5 40 60
89 8.4 0 100

2-67 distilled 50 .2000 - .033? 0 nd 99+ trace
water ■ . ■ ■ \ 69 9.4 97 3r- ; 104 8 .6 95 5

175 8.3 50 50
213 8.4 0 100

7-67 distilled 40 .1001 - . .05^0 0 9.0 99+ trace
water 69 8 .0 98 2

115 8 .2 90 10
150 8 ,2 80 20
185 8.3 25 75
213 8.3 0 100

8-67 distilled 40 .1000 nd nd 0 nd 99+ trace
water 69 9.3 99 1

104 8.3 95 5
185 8 .1 40 60
213 8 .2 trace 99+



Table B2. Recrystallization Experimentsi Calcium Series

Chemistry Volume Weight of mM Ca____
Sample of Solution (ml) Aragonite g precipitate 

: (g) initial final

13-67 1,8 ppm. Ca 40 .1001 .0180 nd

14-67 1.8,ppm Ca 40 .1002 .9180 nd

15-6? 4.4 ppm Ca 40 .1002 .0439 nd

16-67 4.4 ppm Ca 40 .1002 .0439 nd

Duration Mineralogy
(days) pH Aragonite Calcite 

- (weight jo) (weight %)
0 9.5 99+ trace
61 8.0 95 5
96 8.0 85 15
120 8.2 65 35
152 8.0 12 88
155 8.0 10 90
194 8 .3 0 100
0 nd 99+ trace
96 8.0 88 12
135 8.2 60 40
163 8.2 25 75
167 nd 14 86
178 6.2 0 100
0 9.3 99+ trace
57 8.3 95 5
107 8.0 80 20
135 8.3 50 50
155 8.2 15 85
166 8.3 2 98
0 . nd 99+ trace
81 ’ 8.1 95 5
135 8.2 75 25
167 nd 45 55
178 8.3 25 75
205 8.4 0 100

*<5



Table B2„ continued. Calcium.

Chemistry Volume Weight of mM Ca‘H'
Sample of Solution (ml) Aragonite g precipitate 

. (g) initial final

17-6? 8 .8 ppm Ca 40 .0999 .0878 nd

18-67 8 .8 ppm Ca 40 . .1000 0 0878 nd

19-67 22.1 ppm Ca 40 .1001 .2206 nd

20-67 22.1 ppm Ca 40 .1000 .2206 nd

21-67 44.2 ppm Ca 40 .1000 .4411' nd

22-6? 44.2 ppm Ca 40 .1002 .4411 nd

Duration Mineralogy
(days) pH Aragonite Calcite 

' (■weight jo) (weight jo)
0 9.1 99+ trace
96 8 .1 ' 95 5
120 8; 2 75 25
152 8 .0 34 66
194. 8 .1 5 95
0 nd 99+ trace
96 7.8 85 15
135 8 .2 65 35
167 8 .1 0 100

0 8 .6 99+ trace
109 8 .1 80 20
128 7.8 55 45
135 8 .2 35 65
153 8 .0 1 99
0 nd 99+ trace
128 7.8 ■ 50 . 50
135 8.2 25 75
163 8.1 1 99
0 8.2 99+ trace
128 7,8 50 50
151 8.2 10 90
163 7.8 1 99
0 nd 99+ trace
135 8.0 45 55
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Table 52, eontimaed. Calcium*

Chemistry Volume Weight of mM Ca 
Sample of Solution (ml) Aragonite . g precipitate

(g) initial final
22-67 44.2 p m  Ca 40

23-6?. ■ 88i4 ppm Ca 40

24-67 88.4 ppm Ca . 40

25-67 177 ppm Ca • 40

26-67 I ; 177' ppm Ca ; 40

27-67 354 ppm Ca 40

.1002 44411 . , nd

,1000 .8822 hd

.1001 .8822 nd

.1000 1.77 nd

.1000 1.77 nd

.1002 3.530 nd

Duration Mineralogy
(days) pH Aragonite Calcite

. / . (weight $) (weight ̂ )

1 6 3. :?o7 ■ 15 ■ 85
178 7.9 ./;.l • 99
0 7.6 .99+ trace
109 7.8 75 25
120 7.9 50 50
151 7.9 2 98
0 nd 99+ trace
120 7.8 50 50
163 7.4 15 85
178 7.8 0 100
0 7.6 99+ trace
62 nd 80 20
107 7.6 20 80
120 7.7 3.5 96.5
0 nd 99+ trace.
62 nd • 75 25
97 7.8 25 75
120 7.5 4 96
0 6.8 99+ trace
24 7.4 90 10
62 nd , 55 45
97 7.6 1 99

vo



Table B2, continued. Calcium.

Sample .
Chemistry 

. of Solution
Volume
(ml)

Weight of 
Aragonite 

(g)

mMCa-H- 
g precipitate 
initial final

Duration
(days) pH

Mineralogy 
Aragonite Calcite 
. (weight $) (weight $)

28-67 354 ppm Ca 40 .1001 ; • 3.530 nd 0 : : nd , 99+ trace
30 7.4 85 . 15
62 nd ; 60 . .. 40
97 7.4 .. 2 ; 98

49-64 1000 ppm Ca 50 .1997 6.260 nd 0 7.6 99+ trace- ■ . ■ 18 8.0 55 45
24 7.9 5 95

45-64 4000 ppm Ca 50 .1993 25.0 nd 0 nd .99+ trace
6 7.2 15 85
8 7.5 0 100 .

165-64 4000 ppm Ca 50 .2001 25 .0 nd 0 7.9 99+ trace
8 7.5 0 100
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Table B3» Recrystallization Experimentss Beryllium Series

Sample
Chemistry 
of Solution

Volume
(ml)

Weight of 
Aragonite 

(g)

mM Be44- 
g precipitate 
initial final

Duration
(days) pH

Mineralogy 
Aragonite Calcite 
(weight $) (weight

63=68 «5 ppm Be 40 .1001 .0222 nd 0 6.7 99+ trace
434 8 .1 99+ , trace
1184 nd 99+ trace

64=68 o5 ppa Be 40 .1000 .0222 nd 0 nd 99+ trace
434 7.9 99+ trace

' V 1184 nd 99+ trace
65=68 1 ppm Be 40 .1001 .0444 nd 0 6.4 99+ trace

434 8 .0 99+ trace
1184 . nd 99+ trace

66=68 1 ppm Be 40 .1000 .0444 nd 0 nd 99+ trace
434 8 .1 99+ trace
1184 nd 99+ trace

67=68 . 2 ppm Be 40 .1001 .0888 nd 0 6 .3 99+ trace
434 8.1 99+ trace
1184 nd 99+ trace

68=68 2 ppm Be 40 .1001 .0888 nd 0 nd 99+ trace
434 6.1 99+ .trace
1184 nd 99+ trace

69=68 5 ppa Be 40 .1002 .2220 nd 0 6.1 99+ trace
435 7,8 99+ trace
1184 nd 99+ trace
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Table. B3» continued. Beryllim.

tA— LChemistry Volume Weight of mH Be____
Sample of Solution (ml) Aragonite g precipitate

(g) initial final
70-68 5 ppm Be 40 .1001 .2220 nd

71-68 10 ppm Be 40 .., , .1000 .4440 nd

?2-68 10 ppn' Be 40 / .1001 .4440 nd

73-68 25 ppm Be ■ 40 .1001 1.111 nd

74-68 25 ppm Be . 40 .1001 1.111 nd

75-68 50 ppm Be 40 .1000 2.222 nd

76-68 50 ppm Be 40 .1000 2.222 nd

Duration Mineralogy
(days) pH Aragonite Calcite

(weight $ ) (weight fo)
0 nd 99+ trace
435 7.7 99+ trace
1184 nd 99+ trace
o'" 6 .1 99+ trace
435 7.7 99+ trace
1184 nd 99+ trace
0 nd 99+ trace
435 7.6 99+ trace
1184 nd 99+ trace
0 5.9 99+ trace
435 7.3 99+ trace
1184 nd 99+ trace
0 5.9 99+ trace
435 7.6 99+ trace
1184 nd 99+ trace
0 5.8 99+ trace
435 5.8 99+ trace
1184 nd 99+ trace
0 5.8 99+ trace
435 5.6 99+ trace
1184 . nd 99+ trace



Table B3» continued. Beryllium,

Sample
Chemistry 
of Solution

Volume
(ml)

Weight of 
Aragonite 

(g)

mM Be 
g precipitate 
initial final

Duration
(days) pH

Mineralogy 
Aragonite Calcite 
(weight $) (weight $)

77-68 100 ppm Be 40 .1001 4.444 nd 0 5.6 99+ trace
436 5.7 99+ trace
1185 nd 99+ trace

78-68 100 ppm Be 40 .1001 4.444 nd 0 nd 99+ trace
436 5.1 99+ trace
1185 nd 99+ trace

79-68 200 ppm Be 4o ' .1001 8.888 nd 0 5.5 994- trace
436 5.5 99+ trace
1185 nd 99+ trace

80-68 200 ppm.Be 4o .; .1000 8,888 nd 0 . nd ■■ 99+ 'trace
436 5.2 99+ trace
1185 nd 99+ trace

81-68 400 ppm Be ; 40 ' .1000 17.76 nd 0 5.3 99+ trace
436 5.4 99+ trace
1185 nd 99+ trace :

82-68 400 ppm Be 40 .1000 17.76 nd 0 5.3 99+ trace
436 5.4 99+ trace
1185 nd 99+ trace
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Table B4. Recrystallization Experiments; Beryllium (Cl'““SÔ ~) Series,

Sample
Chemistry 
of Solution

Volume
(ml)

Weight of 
Aragonite 

(g)
g precipitate 
initial final

Duration
(days) pH

Mineralogy 
Aragonite Calcite 
(weight $) (weight

83-68 .5 ppm Be 40 .0999 .0222 nd 0 7,6 99+ trace
438 8.1 99+ trace

■ 84-68 ,5 ppm Be 40 .0999 .0222 nd 0 nd 99+ trace
438 8.2 99+ trace

85-68 1 ppm Be 40 .1001 .0444 nd 0 9.0 99+ trace
438 8.3 99+ • trace

87-68 2 ppm Be 40 .1000 .0889 nd 0 : 8.2 99+ trace
438 8.2 ; 99+ trace

88-68 2 ppm Be 40 .0999 .0889 nd 0 8.2 99+ trace
438 8.2 99+ trace

89-68 5 ppm Be 40 .1000 .2222 nd 0 6.5 99+ trace
438 8.2 99+ trace

90-68 5 ppm Be 40 .1001  ̂2222 nd 0 nd 99+ trace
438 8.1 99+ trace

91-68 10 ppm Be 40 .1000 .4444 nd 0 6.4 99+ trace
438 8.4 99+ trace

92-68 10 ppm Be 40 .0999 .4444 nd 0 nd 99+ trace
/ 438 8.2 99+ trace

93—68 25 ppm Be 40 .0999 1.111 nd 0 5.9 99+ trace



Table B4-, continued, Beryllium.

Sample
Chemistry
of Solution

Volume
(ml)

Weight' of 
Aragonite 

(g)

mM Be 
g precipitate 
initial final

Duration
(days) pH

Mineralogy 
Aragonite Calcite 
(weight tfo) (weight f°)

93-68 25 ppm Be 40 .0999 1.111 nd 438 7.7 99+ trace
94-68 25 ppm Be 40 .1001 ■■ 1.111 nd 0

438
nd
8.0

994- trace 
99+ trace

95-68 50 ppm Be 40 • .1000 2.222 nd 0
438

5.8
7.8

99+ trace 
99+ trace

96-68 50 ppm Be , 40 2" .1001 2.222 nd 0
438

nd
7.7

99+ trace 
99+ trace

97-68 100 ppm Be 2 40 .1001 4.444 nd 0
40?

5.7
nd

99+ trace 
99+ trace

98-68 100 ppm Be 40 .1001 4.444 nd 0
438

nd
7.6

99+ trace 
99+ trace

99-68 200 ppm Be 40 ;■ .0999 8 .889 nd 0
438

5.4
: 5 .7

99+ trace 
. 99+ trace

100-68 200 ppm Be 4o .0999 8.889 nd 0
438

nd
5.8

99+ trace 
99+ trace

101-68 400 ppm Be 40 .1002 17.76 nd ■ 0 " 
47

4.6
5.5

99+ trace 
sample dissolved

102-68 400 ppm Be 40 .1001 17.76 nd 0
4.7

4.0
5.4

99+ trace 
sample dissolved



Table 335. Recrystallization Experiments; Magnesium Series.

Sample
Chemistry 
of Solution

Volume
(ml)

Weight of 
Aragonite 
■ (g)

mM Î g. 
g precipitate 
initial final

Duration
(days) pH

Mineralogy 
Aragonite Calcite 
(weight 1°) (weight

155-64 .11 ppm % 40 .0999 .00165 nd 0 9.8 95 564 9.2 60 40
350 8.4 0 100

156-64 .11 ppn Mg 4o .1000 .Q0165 nd 0 9.7 95 564 nd 0 100

158-64 . .2? ppmMg 40 .1000 .P0452 nd 0 9.8 95 564 nd 95 5
350 8.4 0 . - 100

159-64 .27 ppm Mg 40 .1002 .09452. nd 0 nd 95 5
350 8.4 0 ' 100

161-64 .54 ppn Mg 40 .1001 .00904 nd 0 9.8 95 564 nd 50 50
3#0 8.4 0 100

162-64 .54 ppn Mg 40 .0999 .00904 nd 0 nd 95 564 nd 50 50
; ■> _ ' ' 350 8.4 0 100

9-64 2 ppm Mg 50 .2003 .0206 nd 0 8.8 99+ trace
75 8.5 67 33100 8.6 15 85

. Ill , 8.4 0 100
6?-64 2 ppm Mg 50 .1997 .0206 nd 0 nd 99+ trace



Table B5S continued„ Magnesium,

++Chemistry Volume Weight of mM Mg 
Sample of Solution (ml) Aragonite g precipitate

(g) initial final

67-64 2 ppm Mg 50

3-6? 2,4 ppm Mg 50

4-6? 2,4 ppm Mg 50

196-65 10 ppm Mg 50

9-67 2,4 ppm Mg 40

194-65 5 ppm Mg 50

11-64 5 ppm Mg 50

5-67 6 ppm Mg 50

,1997 .0206 nd

,2001 .0247 nd

.2001 ,024? nd

.4024 . 0514 nd

.1001 .0395 nd

.2013 .0395 nd

.1999 .0395 nd

.2000 .0617 .0502

Duration Mineralogy
(days) pH Aragonite Calcite

(weight jo) (weight $>)

71 nd 50 50
92 nd 5 95
0 9.1 99+ trace
180 8.3 _ 72 28
270 8.4 2 98
0 nd 99+ trace
185 8.1 85 15
293 8.0 34 66
350 8.3 0 100
0 nd 98 2
297 9.2 98 2
540 8.5 0 100
0 nd 99+ trace
185 8.2 84 16
292 8.0 8 92
0 nd 98 2
297 9.4 98 2
540 8.4 0 100
0 8.8 99+ trace
100 8.6 99+ trace
0 8.7 99+ trace



Table B5, continued,. Magnesium.

Sample
Chemistry 
of Solution

Volume
(ml)

Weight of 
Aragonite 

(g)

mM Mg 
g precipitate 
initial final

Duration
(days) pH

Mineralogy 
Aragonite Calcite 
(weight $>) (weight $)

5“6? 6 ppm Mg 50 .2000 i .0617 .0502 185 8 .0 99t trace
54? 8.3 99t trace

6-67 6 ppm Mg 50 .2001 .0617 .0551 0 nd 99+ trace
547 8.3 99+ trace

187-64 2 ppm Mg 40 .0499 ;0658 nd 0 nd 98 2
676 8.5 98 2

11-67 6 ppm Mg 40 .1000 .0987 .0888 0 9.1 99+ trace
185 7.9 99+ trace
547 8.3 99+ trace

39-67 6 ppm Mg 40 .1002 .0987 .0950 0 9.7 99+ trace
480 7.9 99+ trace
515, 8.3 99+ trace

40=67 6 ppm Mg 40 .1002 .0987 .0822 0 9.7 99+ trace
480 7.6 99+ trace
515 8.3 994- trace

13-64 10 ppm Mg 50 .2003 .1028 nd 0 8 .8 99+ trace
150 8.3 99+ trace

118-63 9.9 ppm Mg 40 .1000 ,1628 nd 0 nd 98 2
357 nd 98 2



Table B6. Recrystallization Experiments? Mg++/Ca++ Ratio.

Sample
Chemistry 
of Solution

Mg++
Ca^

Weight of 
Aragonite 

(g)

■ Mg++/Ca++
g precipitate 
initial final

Duration
(days) pH

Mineralogy' 
Aragonite Calcite 
(weight $) (weight

5-67 6 ppn Mg .997 .2000 nd 1 4.98 0 8.7 99+ trace
547 8.3 99* trace

6~6? 6 ppm Mg 1.023 .2001 nd 5.13 0 nd 99+ trace
515 8.3 99+ trace

il-6? 6 ppm Mg .742 .1000 -nd 7.43 0 9.1 99+ trace
547 8.3 99+ , trace

39-6? 6 ppm Mg .812 .1002 nd 8.08 0 9.7 99+ trace
515 8.3 99+ trace

40=67 6 ppm Mg 1.18 .1002 nd 11.88 0 9.7 99+ trace
515 8.3 99+ - . trace

252-65 50 ppm Mg .206 .1997 1.023 nd 0 7.6 ' 99+ trace400 ppm Ca . 74 7.8 98 2
119 7.8 90 10362 7.6 0 100

253-65 75 Ppm Mg .310 .2001 1.52 nd 0 7.6 99+ trace400 ppm Ca 74 7.8 99+ trace
362 7.8 0 100

245-65 100 ppm Mg . .412 .1997 2.96 nd 0 7.6 99+ trace400 ppm Ca 129 7.8 99+ trace
362 7.8 99+ trace
417 7.8 0 100



Table B7. Recrystallization Experimentss Strontium Series.

Sample
Chemistry 

, of Solution
Volume
(ml)

Weight of 
Aragonite 

(g)

• mM Sr’n* 
g precipitate 
initial final

Duration:
(days) pH

Mineralogy 
Aragonite Calcite 
(weight $) (weight

46-67 1.2 ppm Sr 40 .1000 .0052 nd 0 nd 99+ trace
196 8.2 55 45
239 7.7 trace 99+

45-67 1.2 ppm Sr .•}• 40 .1001 .0052 nd 0 9.7 99+ trace
85 8.0 98 2
181 8.1 65 35
196 8.1 50 50
239 7.2 0 100

44-67 2 .9 ppm Sr; 40 .1000 .0133 .0039 0 nd 99+ trace
181 ; 8.2 98 2

1 ' 231 7.2 85 15
261 8.2 74 26

43-67 2.9 ppm Sr " 40 - , ; .1000 .0133 .0043 0 9.7 99+ trace
181 8.0 99+ trace

. , 239 7.5 85 15
30-67 5.8 ppm Sr 40' ' .1000 .0265 .0032 0 nd 99+ trace

187 8.2 99 1
267 8.2 68 32
321 8.2 44 56

31-67 29 ppn Sr 40 .1000 .1330 .0335 0 9.3 99+ trace
267 8.0 97 3
316 8.1 81 19



Table B?, continued. Strontium.

•Sample
Chemistry
of Solution

Volume
(ml)

Weight of 
Aragonite 

(g)

mM Sr4* 
g precipitate 
initial final

Duration
(days) pH

Mineralogy 
Aragonite Calcite 
(weight $) (weight $) •

33-67 58 ppm Sr 40 .1000 .2650 nd 0 9.3 99+ trace
267 7.8 92 8

34-67 58 ppm Sr 40 .1002 .2650 nd 0 nd 99+ trace
267 8.0 84 16

35-67 116 ppm Sr 40 .1000 .5300 .0955 0 8.8 99+ trace
267 7.9 94 6
316 7.8 91 9

36-67 116 ppm Sr 40 .1001 =5300 = 0955 0 nd 99+ trace
342 7.9 90 10

37-67 232 ppm Sr 40 .1004 1.052 .0035 0 8.4 99+ ' trace
244 7.8 98 2
486 7.6 96 4
520 7.7 92 8

38-67 232 ppm Sr 40 .1001 1.057 .0031 0 8.4 99+ trace
486 7.5 98 2
520 7.6 96 4

: 131



Table B8„ Recrystallization Experiments: Bariton Series

Sample
Chemistry 

. of Solution '. ,
Volume. 
(ml)

Weight of 
Aragonite ' 

(g)

. miM Ba 
g precipitate 
initial final

62—68 1.7 ppm Ba 40 .1000 .0050 . nd

61-68 1. 7 ppm Ba 40 ' .1001 .0050 : nd

58-67 8.5 ppm Ba 40 .1012 .0244 nd

57-67 .8.5 ppm Ba 40 = 0999 .0246 nd

56-67 21.8 ppm Ba 40 .1000 .0634 nd

55-67 21.8 ppm Ba 40 ,0997 .0634 nd

54-67 42.5 ppm Ba 40 .1001 ■ .1237 nd

53-67 42.5 ppm Ba 40 .1001 .1237 nd

Duration Mineralogy
(days) . pH Aragonite Calcite

; V:. . (Weight io) (weight
0 nd . 99+ trace
152 8.1 . 80 20
195 7.3 50 50
217 8.3 12 88
268 8.2 trace 99+
0 9.7 . 99+- trace
83 8.2 99+ trace
152 8.2 75 25
195 7.5 trace 99+
0 nd 99+ trace
477 8.0 r 0 100

0 9.5 • 99+ trace
513 8.3 99+ ' trace
0 nd 99+ trace
513 8.4 99+ trace

0 9.6 99+ trace
513 8.3 99+ trace

6 nd 99+ trace
513 8.2 99+ trace

0 9.6 99+ trace
513 8.2 99+ trace



Table B8, continued. Barium.

Sample
Chemistry . 
of Solution

Volume
(ml)

Weight of 
'Aragonite 

(g)

: mM Ba 
g precipitate 
initial final

Duration
(days) pH

Mineralogy 
Aragonite Calcite 
(weight̂ ) (weight ̂ )

52-67 85 ppm Ba 40 .0998 .2462 hd 0 nd 99+ trace
513 8.2 99+ trace

51-6? 85 ppm Ba 40 .1001 .2462 nd 0 9.6 99+ trace
513 7.7 99+ trace

50-67 169 ppm Ba 40 .0999 .4950 nd . 0 ■ nd . . 99+ trace
513 8.0 ; 99+ trace

49-67 I69 ppm Ba 40 .1002 .4950 nd 0 9.6 . 99+ trace
513 8.0 99+ trace

48-67 338 ppm Ba 40 .1000 .9898 nd 0 nd 99+ trace
513 7*6 ■ 99+ trace

47-67 338 ppm Ba 40 .0999 .9898 nd 0 9.5 : 99+ trace ■
513 7.9 99+ trace



APPENDIX C 

ATOMIC ABSORPTION ANALYSES DATA
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\ ' ' , 135
Table Cl . Atomic Absorption Analyses % Stock solutions and Reagents

Sample Cation Series Cation Analyzed Fraction
Analyzed

Concentration
ppm

stock Mg Mg 600
solution Sr 0.0

Ca 0.0
stock Ca Ca 354
solution Sr 0.0

Mg 0.0

stock Sr Sr 290
solution Mg 0.0

Ca ;
1

0.1

atomic abs. Mg Mg ®  - 10.0
standard Sr 0.0

Ca 0.0

atomic abs. Ca Ca e=s 50.0
standard Mg 0.0

' ' Sr-.'. 0.0
atomic abs. Sr Sr 20.0
standard Mg 0.0

Ca 0.0

distilled Ca 0.0
■water Mg 0.0

Sr 0.0

0.15 M NaCl ' CH> Ca 0.0
Mg 0.05
Sr 0.0

0.12 N HC1 Ca 0.3
Mg 0.1
Sr 0.0



136
Table C2„ Atomic Absorption Analyses; Distilled Water Series

Sample Cation Series Cation Analyzed Fraction
Analyzed

Concentration
ppm

1-67 DW Ca supernatant 5.76

Sr precipitate 0.3
Mg ii 0.4

103-68 DW Ca supernatant 13.1
Sr precipitate 0.3
Mg n 0.3

104-68 DW Ca supernatant 12.3
Sr precipitate 0.3
Mg tl 0.4

105-68 rw Sr precipitate 0.3
Mg . 0 0.5



137
Table C3„ Atonic Absorption Analyses: Beryllium (C1“°S0^ ) Series

Sample Cation Series . Cation Analyzed Fraction
Analyzed

Concentratior
ppm

83-68 Be. Ca supernatant 10.04

84.68V Be :' ■ Ca supernatant 12.95

85-68 . Be Ca supernatant 1 5 .0

87-68 Be Ca supernatant 15.0

88=68 Be Ca supernatant 18.0

89—68 Be - Ca supernatant 26.0

90=68 Be Ca supernatant 26.9

■91-68 Be Ca supernatant 40.4

92=68 Be Ca supernatant 41.0

93-68 Be Ca supernatant 82.4+1.8

94=68 Be Ca supernatant 87.5 ± 1,9

95=68 Be Ca supernatant 134.8 + 2.6

96=68 Be ; Ca supernatant 169+

98=68 Be Ca supernatant 169+

99-68 Be Ca supernatant 169+

100=68 Be Ca supernatant : I69+



138
Table C4. Atomic Absorption Analyses; Magnesium Series

Sample Cation Series Cation Analyzed Fraction
Analyzed

Concentration
ppa

10-6? Mg. Mg supernatant 1.8
BW-wash 0 .0 5
NaCl-wash 0 .3
precipitate 0 .7

Ca supernatant 10 .52
DW-wash 3.5

5-6? - Mg Mg supernatant 4.9
DW-wash 0.1
NaCl-wash 0.4
precipitate 0 .5

Ca supernatant 8.14
NaCl-wash 10.3

6-6? Mg Ms supernatant 5.38
DW-wash . 0.1
NaCl-wash 0.2
precipitate 0.7

Ca supernatant 8.65
NaCl-wash . 12.4
precipitate 169+

11-67 Mg Mg supernatant 5.4
BW-wash 0.1
NaCl-wash : 0.2
precipitate 0.4

Ca supernatant 12.04
BW-wash 3.9
NaCl-wash 11.2

39-67 Mg Mg supernatant 5.74
IW-wash 0.1
NaCl-wash 0.1
precipitate 0.2

Ca supernatant 11.68
40-67 Mg Ca supernatant 7.0



Table C5» Atomic Absorption Analyses: Strontium Series
139

Sample Cation Series Cation Analysed Fraction
Analyzed

Concentration
ppm

44-6? Sr. Sr supernatant 0.84 .
SW—wasb , 0.0
NaCl-wash 0.3
precipitate 2.3

Ca supernatant 7.83
IM-wash 4.2
NaCl-wash 10.0

43-67 Sr. Sr supernatant 0.94
IW-wash 0.0
NaCl-wash 0.0
precipitate 3,5

Ca supernatant 8.1
DW-wash 4.7

29-67 Sr Sr supernatant 1.7
DW-wash 0.0
NaCl-wash 0.2
precipitate 2.4

Ca supernatant 6.5
30-67 Sr Sr supernatant 0.52

DW-wash 0.0
NaCl-wash 0.0
precipitate 0.2

Ca supernatant 3.89
DW-wash 10.7

41-67 Sr Sr supernatant 6.08
DW-wash 0.25
NaCl-wash 0.5
precipitate 8.9

' Ca supernatant 16.7

42-67 Sr " : 'vSr.-- - ' supernatant 1.42
DW-wash 0.5
NaCl-wash 1.0
precipitate 11.4

Ca supernatant 4.17



140
Table C5, continued. Strontium.

Sample Cation Series Cation Analyzed Fraction
Analyzed

Concentration
ppn

31-6? . Sr sr.;: : supernatant 7.35
Ca supernatant 17.25

32-6? Sr Sr supernatant 6 ,5 6

Ca supernatant 18.9
35-67 , ' Sr;'; Sr supernatant 20.9

Ca ' supernatant 62 >  1.6
36-67 Sr Sr ̂  . supernatant 20.9

Ca supernatant 64 + 1.6
37-67 - Sr - Sr supernatant 0.76

Ca supernatant 169+
38-67 ' Sr Sr supernatant 0 .6 9

Ca supernatant I69+



Table C6. Atomic Absorption Analyses; Barium Series

141

Sample Cation Series Cation Analyzed Fraction
Analyzed Concentration

PPn
60-68 Ba Ca supernatant 8.1
59-68 Ba Ca supernatant 13.4
57-6? Ba Ca supernatant 7.9
56-67 Ba Ca supernatant 9.25
55-67 Ba Ca supernatant 5.54
54-6? V Ba Ca supernatant 6.67
53-6? Ba Ca supernatant 13.2
52-67 Ba Ca supernatant 21.82
51-67 Ba Ca supernatant 1 3 .2

50-67 Ba Ca supernatnat 3 2 .6

49-67 Ba Ca supernatant - 9.33
48-67 Ba - Ca supernatant 169+
47-67 . Ba Ca supernatant 6 9 .6
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