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Thermodynamic equilibrium,
kinetics, activation barriers, and
reaction mechanisms for chemical
reactions in Karst Terrains

W. B. White

Abstract Chemical reactions pertinent to karst sys-
tems divide broadly into (a) speciation reactions
within aqueous solutions, (b) dissolution/precipita-
tion and other acid/base reactions between aqueous
solutions and solid minerals, and (c) redox reac-
tions involving various carbon and sulfur-bearing
species. As a backdrop against which other chemis-
try can be evaluated, selected phase diagrams and
equilibrium speciation diagrams were calculated for
the system Ca—Mg—O—H—C—S. The kinetics of
reactions within this system span time scales from
milliseconds for homogeneous reactions in solution
through hundreds of hours for carbonate mineral
dissolution reactions, to geologic time scales for
reactions such as the aragonite/calcite inversion or
the oxidation/reduction of native sulfur. In purely
inorganic systems, kinetic barriers, typically on the
order of tens of kJ/mole, are set by nucleation
processes and by activated complex formation. Bio-
logical processes impact the purely inorganic chem-
istry by the following mechanisms: (a) Secretions
and waste products from biological activity or con-
sumption of CO, by organisms changes the chemis-
try in the microenvironments of reaction surfaces.
Oxidation potentials, pH, and ion activities may be
modified, thus shifting equilibria. (b) Reaction rates
may be increased due to modification of activated
complexes and thus the activation barriers to reac-
tion. (c) Organic compounds or microorganisms
may act as substrates, thus lowering nucleation
barriers. The preservation of microorganisms in
cave deposits does not necessarily prove a cause
and effect relationship.
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Introduction

Caves are environments for a great variety of chemical
reactions which mostly take place under conditions of
temperature, CO, pressure, water vapor pressure, oxygen
partial pressure, and chemical composition of aqueous
solutions that maintain fixed patterns over periods of
time measured in centuries or millennia. The chemistry
is mostly inorganic chemistry and fairly simple organic
chemistry. The reactions can be broadly categorized as:
(i) Hydration/dehydration reactions

(ii) Acid/base reactions

(iii) Phase transitions

(iv) Dissolution/precipitation reactions

(v) Redox reactions

Thermodynamics provides a framework for determining
which reactions will proceed and in which direction. For
reactions involving phases of variable composition, ther-
modynamics gives solubility limits and partial pressures
of coexistent gas phases as related information. Thermo-
dynamics, as it is used in this paper, describes systems at
equilibrium. Thermodynamics says nothing about how
long it would take a system to reach the equilibrium
states. Thermodynamic equilibrium describes the bottom
of the energy well. Mostly, final equilibrium states are in-
sensitive to minor impurities and to environmental per-
turbations such as the presence of microorganisms.

The rate, describing the time required for the system to
progress from some initial condition to the final state of
thermodynamic equilibrium, is the subject of chemical
kinetics. Unlike the equilibrium state itself which is
unique, there may be many pathways from initial states
to the equilibrium state and there may be intermediate
metastable states in which the system may reside for long
periods of time. The rate at which the system approaches
equilibrium may vary by many orders of magnitude
along different reaction pathways. Along a particular
pathway, rates are sensitive to impurities, particle sizes,



reaction interfaces, and quite possibly the presence of mi-
croorganisms.

The objective of the present paper is to set down the
thermodynamic framework for selected reactions in karst
systems and to review what, if anything, is known about
the kinetics of these reactions. The examples are selected
to illustrate the types of reactions listed above. In each
case a possible role for microorganisms is assessed.

Some thermodynamic concepts

Here follows a short reminder of the thermodynamic
concepts that underlie all chemical mechanisms and
which define the reference states against which all kinetic
and microbiological mechanisms must be compared. The
concepts begin with the Gibbs free energy, G, (Nordstrom
and Munoz 1985; Anderson and Crerar 1993) defined as

G=E+PV-TS, (1)

where E is the internal energy of the system, P is pres-
sure, V is volume, T is absolute temperature and § is en-
tropy. Neither the internal energy scale nor the Gibbs
free energy scale have a natural zero point. By definition,
the elements in their stable forms at the specified tem-
perature have their Gibbs free energies set equal to zero.
What is observed in chemical reactions is the free energy
change between reactants and products. Compounds
which are stable with respect to spontaneous decomposi-
tion into their component elements have negative Gibbs
free energies. The energy decrease observed when a com-
pound is formed from its component elements is the
Gibbs free energy of formation AG{. The energy is writ-
ten as a delta term because it is measured with respect to
the elemental standard state. The superscript indicates
that the compounds are themselves in their standard
states — pure crystalline compounds, pure liquids, or pure
gases at unit pressure (1 atmosphere in older literature;
0.1 MPa in current usage. See Wagman and others 1982).
In spontaneous reactions, reactant phases form product
phases with lower free energies (Fig. 1). The difference in
Gibbs free energy of formation between reactant phases
and product phases is the Gibbs free energy of reaction,
AG?Y, which is directly related to the equilibrium con-
stant, K, for the reaction

AGY= —RTInK, (2)

—1

where R is the gas constant=8.3143 J mol ~' K
The product phases with the lowest Gibbs free energies
are the most stable and represent the equilibrium state if
all reactions went to completion. However, there are fre-
quently other possible products which are metastable
with respect the stable phases, meaning that they have a
higher Gibbs free energy. Both stable, R—S, and metasta-
ble R— M reactions can be written and equilibrium con-
stants can be calculated. It violates no thermodynamic
principles that metastable phases are frequently observed,
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Schematic diagram defining free energies of formation and free
energies of reaction for stable and metastable reaction products

particularly in reactions near earth surface temperatures.
The metastable phases are predicted to eventually decay
to the stable phases, but “eventually” can be a very long
time.

The reaction pathways followed in laboratory and natural
systems are often determined by kinetics rather than by
thermodynamics. How this works is illustrated schemati-
cally in Fig. 2. In order for the reactants to form the
product phases, the system must cross an energy barrier,
AE. The energy barriers are determined by reaction
mechanisms at the atomic scale. In the sketch given in
Fig. 2, the reaction to the stable phase, R—S§, has a high
energy barrier but the reaction to the metastable phase,
R—M, has a low energy barrier. Under these circum-
stances, the system will react to the metastable product
in spite of a substantial energy benefit if it reacted to the
stable product.

Whether the metastable product survives depends in turn
on the activation barrier for the M—S§ reaction. Two pos-
sibilities are shown in Fig. 2. If the activation barrier is
high, the metastable phase will persist indefinitely. If the
barrier is lower, the metastable product will be observed
to eventually decay to the stable phase.

Rates of reaction rise exponentially with increasing tem-
perature, as described by the Arrhenius equation which
ties the temperature dependence of the rates to the
height of the activation barrier:

k=A, exp(—AE/RT). (3)

For this reason, reactions at high temperatures generally
proceed all the way to the final stable equilibrium state,
while reactions at earth surface or cave temperatures
hang up on metastable states more often than not. De-
tails of reaction pathways are very sensitive to reaction
mechanisms and to catalysts — inorganic, organic, or bio-
logical - that modify the energy barriers.
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Schematic diagrams showing activation barriers to energy flow
from reactant phases to product phases

Equilibria and kinetics in
non-redox systems

The objective of this section is to illustrate several types
of reactions that take place in the cave environment and
to suggest ways in which these reactions might be modi-
fied by microorganisms.

Hydration/dehydration reactions: the MgS0,—H,0
and Na,S0,—H,0 systems
Mirabilite, Na,SO, - 10H,0, and epsomite, MgSO,*7H,0
are two hydrated sulfate salts that occur, sometimes as
massive crystals, in dry caves. Mirabilite dehydrates com-
pletely in one step to thenardite, Na,SO,—V.

Na2504 ‘ 10H20 d Nast4 + 10 Hzo

In equilibrium with liquid water at cave temperatures,
mirabilite is the stable phase. As a crystalline phase in
the cave atmosphere, however, there will be a certain wa-
ter vapor partial pressure (or relative humidity) at which
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mirabilite and thenardite will coexist. Higher water vapor
pressures will stabilize the mirabilite phase. Lower water
vapor pressures will cause the mineral to dehydrate to
thenardite.

— /1o
PHZO - Kmir

(4)

The equilibrium constant varies with temperatures, so
that the dependence of the dehydration curve can be cal-
culated or can be determined experimentally as Hamad
(1976) has done (Fig. 3).

The dehydration of epsomite, MgSO, - 7H,0, takes place
in a series of steps of which the first

MgSO4 * 7H20 - MgSO4 * 6H20 + Hzo

is most relevant to the cave environment. The water va-
por partial pressure at which epsomite dehydrates to
hexahydrite was determined experimentally (Kohler and
Zaske 1964) to be

log Py 0= —3207/T+11.82, (5)

and their result is also plotted on Fig. 3 along with the
vapor pressure curve for pure water.

Both of these hydration/dehydration reactions are fast.
The measured characteristic time (the inverse of the reac-
tion rate constant) is 6.4 min for the epsomite/hexahy-
drite reaction (Hamad 1975). The rate for the dehydra-
tion of mirabilite is similar. Specimens of the mineral re-
moved from the damp cave atmosphere (85% relative hu-
midity where the crystals grew), decomposed and crum-
bled into a white powder, analyzed to be thenardite, in a
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Fig. 3
Vapor pressure curves for dehydration of mirabilite to
thenardite (based on data of Hamad 1976) and for dehydration
of epsomite to hexahydrite (plotting equation of Kohler and
Zaske 1964). Water vapor pressure curve is plotted from data in
Handbook of Chemisty and Physics



matter of a few minutes. Both reactions can be reversed
and both can be easily duplicated in the laboratory. It ap-
pears that the hydration/dehydration class of reactions in
the cave environment can be accounted for by purely
inorganic mechanisms.

Homogeneous acid-base reactions: carbonic acid
An essential part of karst chemistry is the dissociation of
carbonic acid which takes place in two steps.

H,CO;—~H™* +HCO;3,
HCO;—~H™* +CO32

These reactions have been studied for many years and
their equilibrium constants are well established (Plummer
and Busenberg 1982; White 1988).

The reactions are very fast with characteristic time con-
stants of a few milliseconds. Ionization reactions in ho-
mogeneous solutions mark the lower limit of the charac-
teristic time scales in karst water kinetics. In most geo-
chemical modelling of karst systems, these reactions are
taken to be always at equilibrium.

Heterogeneous acid-base reactions: the system

Mg0—CO0,—H,0
The compositions of a set of hydrated and hydroxylated
magnesium carbonates relevant to the cave environment
are plotted in Fig. 4. Magnesite, MgCOs, and nesquehon-
ite, MgCO;-3H,0 have been found rarely in caves. The
most common hydrated magnesium carbonate is hydro-
magnesite. The other phases have not been reported from
caves (Hill and Forti 1986). All of the magnesium carbon-
ate minerals occur typically as white pasty masses known
as moonmilk. Moonmilk is a speleothem term and in-
cludes all minerals including calcite and huntite that oc-
cur in pasty, chalky, microcrystalline form. Bacteria and
algae have been found in moonmilks (Williams 1959;
Cubbon 1976) which, along with the unusual morphology
of the speleothems, has lead to the hypothesis that
moonmilks are a result of the action of microorganisms.
The task at hand is to determine the thermodynamic sta-
bility of the various phases plotted in Fig. 4 and to see if
the thermodynamic relations will rationalize the mineral
occurrences observed. Although straightforward in princi-
ple, very high quality Gibbs free energies of formation
are necessary. Langmuir (1965) calculated a temperature/
Poo, diagram for the phases in equilibrium with liquid
water. Using one set of thermodynamic data, magnesite
was predicted to be the only stable phase. Using different
values for the Gibbs free energy of magnesite led to a di-
agram with nesquehonite as the stable phase under typ-
ical cave environmental conditions.
However, most moonmilks occur as loose masses on cave
floors or as small blobs attached to other speleothems,
not in contact with liquid water. Solid-vapor rather than
solid-liquid reactions seem more pertinent. Of the phases
represented in Fig. 4, artinite appears to be metastable
and little is known of dypingite, so these phases cannot
be included in the calculations. The system variables are
temperature, water vapor partial pressure, and CO, par-
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Compositions of the known minerals in the ternary system
MgCO;—Mg(OH),—H,0

tial pressures. The procedure is to write chemical reac-
tions connecting the various minerals, write equations for
the equilibria, calculate the equilibrium constants from
thermodynamic data (Wagman and others 1982) using
Eq. (2), and then plot the results on a log-log diagram
(Fig. 5) with temperature held constant.

Brucite is stable at very low CO, partial pressures, but as
CO, pressure increases, brucite will react with CO, to
form magnesite.

a. Mg(OH), + CO, = MgCO;+ H,0.

If water is present only in the vapor form, the equili-

brium expression is
PHZO/PCOZ =K,=10>?** (6)

On a log-log plot, Eq. (6) gives the brucite/magnesite
phase boundary shown on Fig. 5.
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Fig. 5
Phase diagram for the system MgO—CO,—H,0 in the
solid-vapor region. Each solid phase coexists with a vapor
phase with varying water vapor and carbon dioxide partial
pressure. Main diagram is isothermal at 25 °C; insert shows a
portion of the diagram calculated at 10°C
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Under high water vapor partial pressures, increasing the
CO, pressure converts brucite to hydromagnesite directly.

b. 4Mg(OH), +3CO, — 3MgCO; - Mg(OH), - 3H,0

The water content is the same on both sides of the equa-
tion, so this reaction is only a function of the CO, pres-
sure. Note that the composition of hydromagnesite as
written above is different by one mole of water from the
formula in Fig. 4. There has been disagreement over the
exact composition of this phase, and although the 4H,0
composition is now generally accepted, the thermody-
namic data were constructed using the 3H,0 composition
which must be retained for internal consistency in the
calculations.

1/Pio, =K, =10 ""130%, (7)

The brucite/hydromagnesite phase boundary is a vertical
line cut off at the high water vapor pressure end when
Py o reaches the vapor pressure of liquid water.

At higher CO, pressures, hydromagnesite can be dehy-
drated to form magnesite.

c. 3MgCO;-Mg(OH),3H,0 4+ CO, = 4MgCO; +4H,0

Pﬁzo/PcozzKC=10_6'127. (8)

The hydromagnesite/magnesite phase boundary is re-
quired to meet the brucite/hydromagnesite and brucite/
magnesite boundaries at a common point. The fact that it
does is evidence for the internal consistency of the calcu-
lations.

Nesquehonite appears as a stable phase only at high CO,
pressures. It is formed from hydromagnesite when the
CO, pressure becomes sufficiently high to cause a re-
placement of the hydroxy groups in hydromagnesite.

d. 3MgCO3'Mg(OH)2 '3H20+C02+8H20 d 4MgC03 '3H20

1
— Kd= 1013.694- (9)
(P co, P ?—120)
Nesquehonite can also be formed by the direct hydration
of magnesite.

e. MgCO3 * 3H20 - MgCO3 + 3H20

Pio=K.,=107*%, (10)

This reaction does not involve CO, exchange, and so
plots as a horizontal line on Fig. 5. The nesquehonite/
magnesite, hydromagnesite/nesquehonite, and hydromag-
nesite/magnesite boundaries must also meet at a com-
mon point.

Finally, there is the lansfordite phase. Lansfordite can de-
hydrate to form nesquehonite.

f. MgCO;-5H,0 = MgCO5-3H,0 +2H,0

P o=K=10"27%, (11)

At 25°C, the lansfordite/nesquehonite boundary plots as
a horizontal straight line located at log Py o= —1.398
which lies above the condensation line for liquid water.
At 25°C, lansfordite does not appear as a phase in equili-
brium only with the cave atmosphere. Adjusting the var-
ious thermodynamic data to 10 °C, which can be done
only roughly with the quantity and quality of data availa-
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ble, leads to the phase relations shown in the insert on
Fig. 5. A narrow field for lansfordite appears just below
the water condensation line. This is consistent with Lang-
muir’s (1965) phase diagram for magnesium carbonates
in equilibrium with liquid water. He shows the dehydra-
tion of lansfordite to nesquehonite occurring at 10 °C.
Lansfordite has not been confirmed from a cave locality,
but Harmon and others (1983) report some evidence for
it in Castleguard Cave which lies beneath the Columbia
Ice Field in Banff National Park, Alberta. The cave tem-
perature varies from 1 to 3 °C. Samples collected from
cold caves would need to be transported to the laborato-
ry under refrigeration for lansfordite to survive until
analysis.

The mineral stability diagram constructed in Fig. 5 ra-
tionalizes very well the mineral occurrences observed. In
the cave environment, water vapor partial pressures are
close to the condensation line and CO, partial pressures
range from 10 ~%° to 10 ~2. The cave environment lies
mainly in the hydromagnesite field and hydromagnesite
is the magnesium carbonate mineral most commonly ob-
served. Nesquehonite and magnesite occur occasionally,
under rather exceptional conditions.

Is there a role for microorganisms as Williams (1959) and
other workers have suggested? The kinetics of magne-
sium carbonate deposition reactions are unknown, so
modifications of reaction rates are a potential role for
microorganisms. However, no special mechanisms, inor-
ganic, organic, or biological, need be invoked to explain
mineral stability. The possibility must be entertained that
the bacteria and algae observed in moonmilk deposits are
there because these deposits form a favorable habitat for
the organisms. The occurrence of microorganisms in cave
mineral deposits is not, in itself, conclusive evidence that
the microorganisms were necessary for the formation of
the deposits.

Phase transitions: the argonite/calcite inversion
Calcite, the trigonal polymorph of CaCO;, and aragonite,
the orthorhombic polymorph, are common cave miner-
als. Calcite is the thermodynamically stable phase under
cave conditions. The large number of experimental inves-
tigations of the calcite/aragonite phase transition agree
generally (Fig. 6) that aragonite becomes stable only at
pressures above 300-500 MPa. The boundary line be-
tween the two thermodynamic stability fields extrapolates
to 0.1 MPa at temperatures below absolute zero, thus
proving that aragonite is everywhere metastable at at-
mospheric pressure. The mechanisms that allow the me-
tastable deposition of aragonite in low pressure environ-
ments is the subject of a large literature (Carlson 1983).
Regardless of how it formed, aragonite exists in caves in
a metastable state and there is a thermodynamic driving
force to convert it to the stable calcite (as shown schema-
tically in Fig. 1). The kinetics of the aragonite/calcite in-
version are a good illustration of the experimental diffi-
culty in a laboratory setting and the interpretative diffi-
culty in a field setting for understanding the controlling
factors.
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transition. SB: Simmons and Bell (1963); J: Jamieson (1953); M:
MacDonald (1956); BW: Boettcher and Wyllie (1968); C: Clark
(1957)

The direct conversion of aragonite to calcite by solid-
state reaction is extremely sluggish at earth surface tem-
peratures and can be investigated experimentally only at
temperatures in the range of 350-500 °C. A variety of rate
equations have been proposed (Brar and Schloessin 1979)
and the mechanism of transformation has been investi-
gated in some detail (Liu and Yund 1993). Most useful is
an Avrami-type equation of the form

fe=1—exp(—kt"),

where f_ is the fraction of the aragonite converted to cal-
cite, k is a rate constant and n is an empirical exponent.
Kunzler and Goodell (1970) measured the inversion kine-
tics of biogenic aragonite, precipitated aragonite, and one
cave aragonite. The inversion curve for the cave aragonite
was fitted to an Avrami equation (Fig. 7). The initial slow
reaction results from the slow calcite nucleation rate
within the aragonite specimen. As the number of availa-
ble nuclei increases, the rate increases rapidly, reaching a
maximum at some characteristic time given by the inflec-
tion point of the curve. As time passes, the available ara-
gonite in the sample is gradually depleted and the rate
slows down until at last conversion becomes complete.
Data for the dry solid-solid transformation collected at
several hundred degrees Celsius generally show an Arrhe-
nius-type behavior [Eq. (3)] and yield the activation ener-
gies shown in Table 1. However, when the rates obtained
in the laboratory at high temperatures are extrapolated to
the typical cave temperature of 10 °C, reaction times are
found to range from 10" to 10* years. Dry aragonite, in
a dry cave passage, although thermodynamically metasta-
ble, is kinetically stable indefinitely.

Aragonite, however, does not persist indefinitely in the
cave environment. There occur clusters of radiating crys-
tals with the characteristic morphology of aragonite,
which have partly or completely inverted to calcite

(12)
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Avrami equation for the solid-state conversion of aragonite to
calcite fitted to the data of Kunzler and Goodell (1970).
Aragonite from Lamb’s Lair Cave, England. Temperature of
experiments =360 °C

(White 1994). Some alternative reaction pathway is
needed to shift the aragonite/calcite phase transition
across the high activation barrier. This is provided by a
dissolution-reprecipitation mechanism. Aragonite, as a
metastable phase, is more soluble than calcite. Aragonite
can dissolve in the minute amounts of water present in
damp caves and then reprecipitate as the less soluble cal-
cite. Laboratory experiments in wet systems such as those
of Bischoff and Fyfe (1968) and Bischoff (1969) lead to a
different form of rate equation in which the fraction con-
verted is given by the equation

foe=kr[Ca’?*][HCO3] t?, (13)

where f. is expressed in percent, ¢ is in hours, and the
rate constant k;=344. Substitution of typical values for
the calcium and bicarbonate concentrations for cave drip
waters leads to 200 h as the time for 50% conversion at
10 °C. Although the mathematical form of the equation is
clearly incorrect at long times, it provides a fit to the
data that are in startling contrast to the measurements

Table 1
Activation energies for the aragonite-to-calcite transformation

Experiment Ea (kJ/mole) Source

Solid-solid conversion 439 Calculated from data of

of metamorphic Brown, Fyfe and

aragonite Turner (1962)

Solid-solid conversion 444 Davis and Adams

of single crystal (1965)

aragonite

Conversion of cave 184 Calculated from data of

aragonite Kunzler and Goodell
(1970)

Conversion in aqueous 240 Bischoff (1969)

solution of precipitated
aragonite
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on dry systems. The activation energy for the dissolution/
reprecipitation reaction is about half that of the activa-
tion energy from the solid/solid conversion mechanism
(Table 1).

Most natural environments in caves and shallow sedi-
mentary systems are wet, but the laboratory conversion
times are embarrassingly short. Aragonite/calcite trans-
formation times observed in aragonite-depositing corals
are on the order of a million years (“Pleistocene” accord-
ing to Siegel 1960). Laboratory rates are much too fast
compared with field observations and some inhibition
mechanism is required to slow down the conversion.
There is some evidence that minor concentrations of
Sr?* provide the necessary inhibition (Siegel 1960; White
1994).

The contrast between dry reaction rates and wet reaction
rates adjusted to a common temperature is at least 17 or-
ders of magnitude. The comparison is between conver-
sion times orders of magnitude greater than the age of
the universe with conversion times that are geologically
instantaneous. The well-studied calcite/aragonite system
provides one of the most dramatic demonstrations of the
importance of reaction mechanism in determining reac-
tion kineties. It further illustrates the difficulty in sepa-
rating catalytic effects due to microorganisms from cata-
lytic effects from purely inorganic mechanisms.

Calcite dissolution and precipitation
The dissolution and precipitation of calcium carbonate in
marine environments, in surface streams, and in caves is
one of the most intensely studied aspects of aqueous geo-
chemistry. The parameters for discussion are the calcium
ion activity, the saturation index with respect to calcite,
and the carbon dioxide partial pressure, all of which can
be calculated from chemical analyses of carbonate waters
(see White 1988, Chap. 5).
The rate of calcite dissolution and precipitation far from
equilibrium can be described by the Plummer-Wigley-
Parkhurst rate equation (Plummer and others 1978; Red-
dy and others 1981). Dissolution reactions slow down as
the system approaches equilibrium and rates become sen-
sitive to details of reaction surfaces and the presence of
inhibitor ions. The precipitation of calcite requires a fin-
ite supersaturation because of activation barriers to cal-
cite nucleation and crystal growth. It appears that a su-
persaturation of at least SI.= 4+ 0.5 is needed to initiate
calcite precipitation with values in the range of SI.= +1
required for maximum precipitation rates (Dreybrodt and
others 1992). It is in this near-equilibrium regime where
the influence of microorganisms is most likely to be felt.
Carbon dioxide partial pressures in karst waters are near-
ly always bigher than the ambient CO, pressure of the at-
mosphere (10 ~*° atm) or of typical cave atmospheres
(10 ~3-10 ~*>° atm). The driving mechanism for calcite
precipitation is loss Of CO,. Carbon dioxide may be lost
to the atmosphere by purely physical means such as dif-
fusion or agitation in riffles and waterfalls. Carbon diox-
ide may also be utilized by cyanobacteria and other or-
ganisms during photosynthesis and thus be lost to the
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water (Pentecost 1990), although this appears not to be
the dominent mechanism (Pentecost 1994, 1995).

Some typical karst water chemistry is shown schematical-
ly in Fig. 8. The vertical scale is the saturation index,
where the zero line divides the diagram into waters un-
dersaturated with respect to calcite and waters which are
supersaturated with respect to calcite. The kinetic thresh-
olds for the slowing down of dissolution reactions

(SI.= —0.3) and for the onset of precipitation

(SI.= +0.5) are shown as dashed lines. Waters emerging
into surface streams from springs or flowing in cave pas-
sages on a channel fill of clastic sediment have an essen-
tially constant concentration of Ca>* ions until the onset
of precipitation. With some manipulation of the defining
equation for the saturation index, it can be shown that
the relationship between saturation index, calcium ion
activity, and carbon dioxide partial pressure is

2/3 171/3 . 2/3
Aca2+ 277 K3” yacor
SI.=log — Yiico,

1/3 13 171/3 171/3 . 2/3
Pco2 K Kcoch Ycaz+

(14)
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Plot of calcite saturation index, SI., against CO, partial pressure
calculated from water analyses. Solid horizontal line at SI.=0
describes waters exactly at equilibrium with calcite. Horizontal
dashed lines indicate kinetic barriers for dissolution and
precipitation. Sloping lines are contours of constant Ca®* activity
as indicated. Circled areas indicate in a very schematic way the
chemistry of the indicated types of water



where the Ks and s are the usual equilibrium constants
and activity coefficients. Lines of constant Ca-activity are
plotted on Fig 8. The chosen values for Ca-activity con-
tours correspond approximately to water hardnesses of
100, 300, and 600 mg/L and span the range of values
usually observed in karst waters. Carbon dioxide loss will
cause the system to follow a path parallel to the lines of
constant calcium concentration, and if these paths reach
the necessary supersaturation, calcite will precipitate and
a travertine deposit will be formed.

Waters from sinkhole drains, shafts and other rapid in-
puts (called internal runoff in Fig. 8) are usually highly
undersaturated. Loosing CO, down to the level of the at-
mospheric background will not cause these waters to su-
persaturate. Waters that percolate through CO,-rich soil,
then react with limestone at the soil/bedrock contact, and
finally percolate downward to drip from cave roofs are
usually rich in CO, and are near saturation or supersatu-
rated. These are the waters that deposit stalactites, stalag-
mites, flowstone, and other speleothems in caves. CO,
loss to the cave atmosphere drives these waters to super-
saturation with concurrent deposition of calcite.

The most interesting case is that of surface waters that
have emerged from springs. Three classes of springs are
sketched in Fig. 8 to show general trends, although there
would be considerable overlap if actual data were plotted.
In temperate and northern climates, CO, partial pressures
in spring waters usually fall in the range from 10 ~* to

10 ~>°. Those springs which drain from fracture aquifers
are often near saturation, while those that drain from
open conduits are undersaturated with saturation indices
in the range from —0.2 to —0.4 or lower. In tropical and
near-tropical climates, springs draining both fracture and
conduit aquifers tend to be near saturation and also tend
to have higher CO, partial pressures. Carbon dioxide loss
at constant Ca-activity from tropical spring waters causes
the chemistry to shift along the arrow shown in Fig. 8, so
that the waters reach critical supersaturation for traver-
tine deposition before the CO, partial pressure drops to
the atmospheric background. Temperate climate springs,
in contrast, can loose CO, down to the minimum set by
the atmospheric background without reaching critical su-
persaturation for travertine deposition. The small slope
of the arrow describing the chemical pathway for CO, de-
gassing waters is determined by the dependence of satu-
ration index on the inverse cube root of the CO, partial
pressure (Eq. 14). This gives a relatively sensitive thresh-
old for travertine deposition and may account for the ob-
servation that many spring-fed tropical streams contain
travertine deposits while spring-fed temperate and north-
ern streams rarely do.

Travertine-depositing springs and surface streams should
be an excellent illustration of one mechanism for the in-
fluence of microorganisms, that in which the role of the
organisms is to change the local geochemical environ-
ment. However, when the mechanism is worked out in
detail, the CO, loss impacts the chemical system in exact-
ly the same way, regardless of whether the loss is due to
physical processes or due to consumption of CO, by cya-
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nobacteria and other photosynthesis utilizing organisms.
It is then very difficult to separate the physical and mi-
crobiological contributions to the total reaction. One of
the best studied examples is Falling Spring Creek, Allegh-
any County, Virginia (Lorah and Herman 1988; Herman
and Lorah 1988; Hoffer-French and Herman 1989). Al-
though the appropriate organisms were present in large
quantities in the massive travertine deposits (Pentecost
1990), the chemistry also can be interpreted on a strictly
physical basis (Pentecost and Terry 1988).

An alternative role for microorganisms is to provide a
nucleus on which calcite can precipitate as suggested by
Ferris and others (1994). Reducing the nucleation barrier
would appear on Fig. 8 as a lowering of the threshold su-
persaturation required for rapid precipitation. A careful
comparison of supersaturation levels for surface traver-
tines and cave travertines might help resolve this issue.

Equilibria and kinetics in redox
systems

Redox equilibria for the system S—0—H
The S—O—H system is one of the most important in
geochemistry. The pe-pH diagram for the S—O—H sys-
tem appears in most geochemistry textbooks. What has
been done here is to recalculate the equilibria using re-
cent thermodynamic data (Wagman and others 1982) and
to examine the specific conditions for elemental sulfur to
coexist with gypsum.
Under oxidizing conditions, the stable species are the
HSO; and SO;? ions. The second ionization constant of
sulfuric acid is 1.015x 10 ~2, so that the bisulfate ion ap-
pears as a dominant species only below pH=1.99. Under
reducing conditions, H,S is the dominant species at low
pH; the first ionization constant=1.018 X 10 ~7, so that
HS ~ becomes important in alkaline regimes. The second
ionization constant of H,S, as revised from Wagman and
others’ thermodynamic data, =1.215X 10 ~">. Only at
pH>12.9 does the fully ionized sulfide ion, S ~2, become
dominant.
An important geochemical boundary is given by the oxi-
dation/reduction reactions linking the reducing and oxi-
dizing regions of the S—O—H system. In homogeneous
solutions at low total sulfur activity, the following reac-
tions must be considered:

a. HSO;+8e +9H* - H,S+4H,0
K=4.143x10%,
pe=4.827—-9/8 pH;

b. SO;>+8e~ +10H* - H,S+4H,0
K=4.104 x 10*,
pe=5.077-5/4 pH;

c. SO?+8e +9H* —>HS™ +4H,0
K=2.393x10%,
pe=4.203—9/8 pH.

(15)

(16)

(17)

The ionization and redox reactions can be compiled into
a revised pe-pH diagram (Fig. 9). The lines are speciation

Environmental Geology 30 (1/2) March 1997 - © Springer-Verlag

53



54

Research article

Water unstable 7
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P02=1

Fig. 9
Calculated speciation diagram for system S—O—H at total sul-
fur activity <5X10~°. Labeling on speciation boundaries refers
to reactions given in the text. There are no solids in this dia-
gram; labeled fields indicate dominant aqueous species

boundaries obtained by setting equal the activities of spe-
cies on opposite sides of the lines. This diagram applies
to a homogeneous solution at 25 °C with total sulfur ac-
tivity less than 5x 10 ~°.

As the total sulfur activity increases, a field of solid ele-
mentar sulfur appears at the low pH side of the diagram
and extends to higher pH values as the sulfur activity in-
creases. This gives rise to two additional reactions:

d. SO>+6e~+8H* = S°+4H,0
K=5.464 %10,

pe=>5.956+1/6 log aso, —4/3 pH; (18)
e. S°+2e  +2H* = H,S

K=7.511x10%

pe=2.438 —1/2 logay s — pH. (19)

The sulfate activity reaches a limit when the solution be-
comes saturated with respect to gypsum. Gypsum solubil-
ity can be calculated:

CaS0,-2H,0 — Ca*?+S0;>+2H,0

Keyp = dcadso, =4.32 X 10 ~°. (20).

By setting the activities of oxidized and reduced species
equal to the activity of sulfate for gypsum saturation,
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Calculated phase and speciation diagram for system S—O—H
with liquid in equilibrium with solid gypsum. The apex of the
narrow triangle bounded by reactions (), (d), and (e) marks
the stability limit of solid elemental sulfur

dso,=6.57 X 10 ~%, the diagram shown in Fig. 10 is ob-
tained. The diagram shows the maximum extent of the
field of elemental sulfur which terminates at pH=6.19 for
solutions saturated with gypsum.

Native sulfur appears as well-crystallized bulk deposits in
association with gypsum in Cottonwood Cave, Carlsbad
Caverns, and Lechuguilla Cave, Guadalupe Mountains,
New Mexico (Davis 1973; Hill 1987). The coexistence of
sulfur and gypsum defines an upper limit for the oxida-
tion potential in the solutions from which the minerals
were deposited. The current model for the origin of the
caves of the Guadalupe mountains postulates a deep
source of H,S in the petroleum-containing sediments of
the Delaware Basin to the east. The caves are thought to
be formed in the mixing zone where rising highly reduc-
ing sulfide-bearing waters meet descending oxygen-rich
meteoric waters. Oxidation of H,S to elemental sulfur
proceeds easily on a time scale of minutes to hours by
purely inorganic mechanisms. The reduction of sulfate
ion to elemental sulfur is much more sluggish and often
occurs only in the presence of bacteriological catalysts.
Hill (1987) found no evidence for bacterial action in the
Carlsbad Caverns sulfur deposits. The solutions that
formed these deposits no longer exist. Thermodynamic



arguments cannot resolve the question of whether sulfur
deposition takes place by inorganic or microbiological
processes. The calculations given above place limits on
the chemistry of the solutions but are otherwise compati-
ble with both mechanisms.

Redox equilibria for the system Mn—0—C—H
The mobile species of manganese in the natural environ-
ment is the Mn>* ion and its hydroxy complexes. Mn*™*
is stable in acidic and reducing conditions. It readily ox-
idizes to the Mn** which precipitates as one of the high-
ly insoluble family of manganese dioxides. Black manga-
nese oxides appear in marine and fresh water sediments,
in wetlands, and as cave stream deposits. Black manga-
nese oxides act as scavengers for other metals and man-
ganese redox chemistry is closely tied to the geochemical
and biogeochemical cycles of many elements (Burdige
1993). One analyzed cave sample of non-crystalline man-
ganese oxide contained percent quantities of copper, zinc,
nickel and cobalt (White and others 1985).
Manganese oxides occur in caves as black coatings on
stream cobbles and more rarely as thick masses of mate-
rial on cave floors. The deposits are poorly crystalline
and most are amorphous to x-ray diffraction, making
identification difficult. The few deposits that have been
analyzed in detail contain birnessite, ideally
CaMn¢0,;-3H,0, as the dominant mineral (Moore 1981;
Hill 1982; Chess, Scheetz and White, unpublished data).
The Mn—O—H—C system illustrates very well an im-
portant pitfall in the application of thermodynamics to
low-temperature systems. Free energies of formation are
usually measured on well-crystallized solids of stoichio-
metric composition. The solid phases that precipitate
from aqueous solutions are often extremely fine-grained,
so that surface energy makes a significant contribution to
the free energy. They are often poorly crystallized and
often deviate from their ideal stoichiometry. The free en-
ergies of formation of the substances in the cave deposits
are not the same as that listed in the thermodynamic ta-
bles.
There is a large literature on the Mn—O—H—C system
and many Eh-pH and pe-pH diagrams have been pub-
lished (e.g. Brenet and others 1963; Hem 1985; Brookins
1988). Calculation of a pe-pH diagram tailored to the
cave environment has been attempted. The results are
not as accurate as one might wish because of the absence
of good thermodynamic data for the actual phases pres-
ent in the cave deposits.
One of the most important of these reactions is the oxi-
dation of the Mn?* ion to MnO.,.

Mn?* +2H,0 < MnO,+4H* +2e ™,
pe= —1/2logK—1/2 logay,>+—2 pH. (21)

As is customary, the activity of Mn?* was set equal to

10 ~° molal which is about the limit of detection using
ordinary methods of cation analysis. The relationship is
then determined by the numerical value of K, which in
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turn depends on the choice of free energy of formation of
MnO,. Three possibilities are

pe=23.68—2 pH (pyrolusite?), (22)
pe=24.53—2pH (nsutite), (23)
pe=24.87—2 pH (birnessite). (24)

Equation 22 was based on the free energy of formation of
MnO, given by Wagman and others (1982). The phase is
not specified but is presumably pyrolusite, the stable,
near-stoichiometric polymorph. Free energies for nsutite
and birnessite were taken from Bricker (1965). The differ-
ences in the position of the oxidation boundary is more
than an order of magnitude but not great in terms of the
total variation of pe in aqueous systems. The birnessite
line (Eq. 24) is plotted in Fig. 11. Bricker made his meas-
urements on a birnessite-like phase called delta-MnO,.
The highly variable chemical composition and transition
metal content of natural birnessites is very likely to shift
the phase boundaries from those calculated from labora-
tory materials.
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Fig. 11

pe-pH diagram for the system Mn—O—H—C. Vertical lines
labeled with CO, pressures are solubility contours for MnCO; at
the CO, pressures shown. Parallel dashed lines mark saturation of
the solution with respect to calcite for the same CO, pressures.
See text for details of calculations
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The oxidation of Mn** to bixbyite is also needed to con-
struct the pe-pH diagram (Fig. 11). The reaction is

2Mn** +3H,0 © Mn,0;+6H ™" +2e ",
pe= —logam,2+ —1/2 logK—3 pH,

pe=31.096—3 pH.

(25)
(26)

There are a series of reduction reactions between the
manganese oxides. The reduction of birnessite to bixbyite
is described by the reaction

2Mn02+H++2€_ HMn203+OH_,

pe=1/2[logK—logK,] —pH. (27)

Using the Bricker (1965) values of the free energy of bir-
nessite and the Wagman and others (1982) values for the
other species, K=1.955 X 10>, giving the birnessite/bix-
byite phase boundary as

pe=18.646 —pH. (28)

According to the Wagman and others (1982) thermody-
namic data, bixbyite, Mn,0s, is the stable phase of Mn>™*
rather than manganite, MnOOH, as shown on some dia-
grams.

The reduction of bixbyite to hausmannite is described by
the reaction

3Mn203+H++2e_ (_)ZMD3O4+OH_,

pe=1/2[logK—logK,] —pH. (29)

The equilibrium constant is 1.191 X 10", giving the bix-
byite/hausmannite boundary as

pe=14.038 — pH. (30)

If the oxidation of Mn?* takes place in a carbonate envi-
ronment as it certainly does in karst groundwater sys-
tems, then the precipitation and solubility of rhodochro-
site, MnCO3, must be taken into account. Because the hy-
drogen ion activity is taken as a system variable, the rele-
vant reaction is

MnCO;+H™* < Mn?* +HCO5.

The karst system is also open to carbon dioxide, so that,
with some manipulation, the pH for the 10 ~° Mn>* ac-
tivity contour can be calculated for various representative
CO, pressures.

pH=1/2

[ - log PC02 - log Aprn2+ — log I<(;02 - 10g K+ logKrh]) (31)

The equilibrium constant for the reaction given is calcu-
lated to be K,;, =0.478. Solubility contours for

logPco,= — 1.5, —2.5, —3.5 are shown in Fig. 11. These
span the range of CO, pressures that might be expected
in karst waters.

Also shown in Fig. 11 by short dashed lines are the pH
values at which the solution would be saturated with cal-
cite for the same CO, pressures used to describe the rho-
dochrosite solubility. The lines all lie to the left of the
rhodochrosite solubility lines, indicating that the system
would be saturated with calcite at lower pH values than
those that would cause rhodochrosite to precipitate.
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Thus, in a karst environment sufficiently reducing to sta-
bilize Mn>™*, the Mn”* ion could co-precipitate as a
trace element in calcite rather than form a separate rho-
dochrosite phase.

The highly reducing, high pH corner of Fig. 11, involving
equilibria between rhodochrosite, MnCOs, hausmannite,
Mn;0,, pyrochroite, Mn(OH),, and further dissolution
due to the formation of hydroxy complexes at very high
pH, was taken from the diagram published by Brookins
(1988). There is a serious discrepancy in the Gibbs free
energy of formation of Mn(OH), (labeled as “amor-
phous”) in the tables of Wagman and others (1982).
There is further uncertainty about whether Mn(OH),
should appear as a solid phase at a maximum Mn** ac-
tivity of 10 ~°. According to the speciation diagram of
Baes and Mesmer (1976), a 10 ~° Mn?* solution is under-
saturated with respect to Mn(OH), and this field on the
pe-pH diagram should be replaced with a solution in
which the dominant species in Mn,(OH)?. Given the sta-
tus of the fundamental data and also the lack of rele-
vance to karst systems of this corner of the pe-pH dia-
gram, no revised calculations were attempted.

Many cave streams that contain stream cobbles coated
with black manganese oxides are derived from catch-
ments underlain by non-carbonate rocks. These allogenic
waters typically have pH values in the range of 6-7.
When the waters enter the karst system, the pH rises,
mostly due to reaction between dissolved CO, and the
carbonate bedrock. Few Eh values have been measured
on cave stream waters. Indeed, direct measurements
might well be meaningless (see Lindberg and Runnells
1984) because of the low concentrations of redox ions.
However, most surface streams and cave waters are well
aerated and contain near-saturation values of dissolved
oxygen. Thus, it can reasonably be expected that pe val-
ues will lie just below the upper water stability line. The
expected chemistry is sketched in Fig. 11. The manga-
nese-carrying allogenic waters are already close to or over
the oxidation line when they enter the karst. Further in-
crease in pH drives the water chemistry deeper into the
birnessite field, where the dissolved Mn?" can oxidize to
form the insoluble black oxide deposits.

The oxidation of Mn>™ in cave waters to form coatings
and deposits of birnessite and related MnO, minerals
seems very likely to involve microorganisms as a catalyst.
This is supported by evidence that Mn** oxidizes in a
matter of days in the presence of bacteria (Ehrlich 1968;
Emerson and others 1982) but remains metastable for
years in the absence of catalysts (Diem and Stumm 1984).
Further evidence that more than inorganic processes are
involved is provided by the distribution of observed
manganese deposits in caves. Thick black coatings occur
often on sandstone cobbles in stream beds and on chert
beds exposed in the cave walls. It is much less common
to find coatings on limestone blocks or on the limestone
of the cave walls. Silica surfaces are clearly preferred over
carbonate surfaces. The pronounced preference for sub-
strate is a characteristic of control by biological mecha-
nisms rather than a inorganic precipitation reaction.



Conclusions

Examination of the thermodynamics of a selection of
chemical reactions in cave environments leads to several
conclusions, mostly tentative, about the interrelationships
between the inorganic chemistry and the occurrence of
microorganisms.

(a) The presence of microorganisms in a particular mi-
neral deposit does not necessarily indicate a cause/effect
relationship. As pointed out in the case of the magne-
sium carbonate minerals, these deposits may simply form
a favorable substrate for bacterial and algal growth. Are
the minerals there because of the microorganisms or are
the microorganisms there because of the minerals?

(b) The rate-limiting mechanisms for many mineral pre-
cipitation reactions is the formation of initial nuclei of
the product phases. If microorganisms form a suitable
substrate for the growth of the mineral phases, particu-
larly if there is an epitaxial relationship between the crys-
tal structure of the mineral and the surface of the micro-
organism. The lowered nucleation barriers, by seeded or
epitaxial growth, can greatly enhance rates of reaction
and may also modify reaction pathways.

(c) Organisms modify microenvironments, thus changing
reaction chemistry or appearing to shift phase boundar-
ies. The consumption of CO, by cyanobacteria, thus low-
ering CO, pressures, increasing supersaturation, and en-
hancing precipitation rates of travertines, is a particularly
good example.

(d) Organisms act as agents for electron transfer in redox
reactions. This is the most frequently assigned role for
microorganisms and it is seen in caves as sulfide/sulfur/
sulfate reactions and in manganese deposition reactions.
The role of microorganisms is catalytic. Microorganisms
modify rates, not thermodynamics.

(e) Organisms can act as complexing agents, modifying
activated intermediates, and thus lowering activation bar-
riers. No definitive examples were found among the karst
chemistry reactions examined.
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