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Abstract

The solubility of ZnS(cr) was measured at 100 �C, 150 bars in sulfide solutions as a function of sulfur concentration
(m(Stotal) = 0.02–0.15) and acidity (pHt = 2–11). The experiments were conducted using a Ti flow-through hydrothermal
reactor enabling the sampling of large volumes of solutions at experimental conditions, with the subsequent concentration
and determination of trace quantities of Zn. Prior to the experiments, a long-term in situ conditioning of the solid phase
was performed in order to attain the reproducible Zn concentrations (i.e. solubilities). The ZnS(cr) solubility product was
monitored in the course of the experiment. The following species were found to account for Zn speciation in solution:
Zn2+ (pHt < 3), ZnðHSÞ20 (pHt 3–4.5), ZnðHSÞ3� (pHt 5–8), and ZnS(HS)� (pHt > 8) (pHt predominance regions are given
for m(Stotal) = 0.1). Solubility data collected in this study at pHt > 3 were combined with the ZnS(cr) solubility product
determined at lower pH to yield the following equilibrium constants (t = 100 �C, P = 150 bars):
:06;

0:06;

:06:
Zn2þ þ 2HS� ¼ ZnðHSÞ20
ðaqÞ log b2 ¼ 9:52� 0

Zn2þ þ 3HS� ¼ ZnðHSÞ3� log b3 ¼ 12:39�
Zn2þ þ 2HS� ¼ ZnSðHSÞ� þHþ log b11 ¼ 2:92� 0
The solubilities of ZnS(cr), determined beyond the Zn2+ predominance region (at pHt > 2.5), are lower than the sphalerite
solubilities previously reported in the literature, resulting in lower values of the formation constants for the Zn–S–HS com-
plexes. The results of this study indicate that in natural sulfide-rich fluids the maximum Zn concentrations are attained at
pH = pK1(H2S), where ZnðHSÞ3� predominates.
� 2007 Elsevier Ltd. All rights reserved.
1. INTRODUCTION

Previous studies of zinc complexing in sulfide solutions
made use of solubility (Glixelli, 1907; Moser and Behr,
1924; Barnes, 1959a,b, 1960a,b; Vucotic, 1961; Romberger
and Barnes, 1963; Hinners and Holland, 1963; Gubeli and
Ste-Marie, 1967; Melent’yev et al., 1969; Barrett and
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Anderson, 1982; Bourcier and Barnes, 1987; Hayashi
et al., 1990; Daskalakis and Helz, 1993), voltammetry
(Zhang and Millero, 1994; Luther et al., 1996, 1999),
and EXAFS (Helz et al., 1993) in attempts to obtain in-
sight into sulfide/hydrosulfide complexing of zinc. Unfor-
tunately, these studies are not in good agreement with
one another, with many conflicting stoichiometries for
various proposed species (Table 1). Fig. 1 shows the solu-
bility of sphalerite (b-ZnS, the low-temperature poly-
morph of zinc sulfide) as a function of pH calculated
using literature data from which thermodynamic functions
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Table 1
Experimental studies of the Zn–S–H2O system available from the literature

System composition Method t (�C) pH m(Stotal) Species, concentrations Reference

ZnS–H2O–H2S–H2SO4 Solubility of ZnS
precipitated with H2S
from aqueous solutions of
Zn salts. Solid phases
were not characterized

20, 25 0.001–
1 m
H2SO4

2.4 · 10�5–
0.1

Zn2+ Glixelli (1907),
Moser and
Behr (1924).
Compiled by
Ravitz (1936)

ZnS–H2O–H2S Solubility of sphalerite.
The solid phase was
prepared by precipitation
with H2S from Zn acetate
or chloride solution at
ambient temperature,
dried during 8 h at 120 �C,
and recrystallized in H2S
atmosphere during 250 h
at
135–150 �C

50–200 �3 Solutions
saturated
with H2S(l),
m(S) = 1.5
(50 �C)–3.5
(200 �C)

ZnðHSÞ20 Vucotic (1961),
experimental
data reduction
performed by
Khodakovsky
(1966)

ZnS–H2O–H2S–
(HClO4 or NaOH)

Solubility of ZnS was
measured using
radioactive indicator
technique. Solid phase
was not characterized

25 0.75–
13.4

4 · 10�4–
0.01

Zn2+, Zn(HS)OH0 Gubeli and
Ste-Marie
(1967)

ZnS–H2O–H2S–NaCl–
(HCl or NaOH)

Solubility of sphalerite
was measured using
radioactive indicator
technique. Solid phase
was prepared by reaction
of ZnCl2 with H2S at
25–600 �C

100–180 pH25�

0.6–8
0.1 to
�0.85

Zn2+, ZnðHSÞ20,
ZnðHSÞ3� or ZnHS2

�
Melent’yev
et al. (1969)

ZnS–H2S and
ZnS–H2S–H2O

Solubility of natural
coarse-grained sphalerite
was measured in pure
liquid H2S, liquid H2S
saturated with H2O, and
H2O equilibrated with
gaseous H2S. Solutions
were sampled at
experimental conditions

25–180 2.9–4
(aqueous
phase)

Zn concentration in the
aqueous phase was close
to the background
(�1 mg/L), in pure H2S
was <0.1 mg/L, but
increased to �11 mg/L in
H2S liquid saturated with
water

Barnes
(1959a,b)

ZnS–H2O–H2S–NaOH
and ZnS–H2S–H2O–S

Solubility of natural
coarse-grained sphalerite
was determined in
aqueous H2S–NaOH
solutions, in pure H2Sx

liquids, H2O saturated
H2Sx liquid, and in the
aqueous phase coexisting
with H2Sx liquid

To 200 4–8.2
(aqueous
phase)

ZnHS2
� in aqueous

NaHS solutions. In pure
H2Sx liquids, H2O
saturated H2Sx liquid, and
in the aqueous phase
coexisting with H2Sx

liquid, C(Zn) was below
the detection limit
(�50 mg/L)

Barnes
(1960a,b)

ZnS–H2O–H2S–NaOH Solubility of sphalerite 25–200 8.06 Romberger
and Barnes
(1963)

ZnS–H2O–H2S–NaCl–
(NaOH or HCl)

Solubility pf sphalerite in
NaCl solutions
(m(NaCl) = 0–4).

80 1.5–6.5 H2S-
saturated
solutions

Zn-Cl complexes,
ZnSÆH2S, ZnSÆHS�

Hinners and
Holland (1963)

ZnS–H2O–H2S–NaCl–
(NaOH or HCl)

Solubility of natural
Santandar sphalerite

27–95 0.8–7 0.02–0.3 Zn2+, Zn-Cl species
ZnðHSÞ20, ZnðHSÞ2�

Barrett and
Anderson
(1982)

ZnS–H2O–H2S–NaOH Solubility of natural
Santandar sphalerite

100–350 6.1–9.6 0.1–2.3 Zn(OH)(HS)0, ZnðHSÞ20,
ZnðHSÞ3�, ZnðHSÞ42�

Bourcier and
Barnes (1987)

ZnS–H2O–H2S–NaOH Solubility of synthetic
sphalerite

25–240 3.3–11 0.5–2.4 ZnðHSÞ20, ZnðHSÞ42�,
ZnðHSÞ3�,
ZnðOHÞðHSÞ2�,
ZnðOHÞðHSÞ32�

Hayashi et al.
(1990)

(continued on next page)
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Table 1 (continued)

System composition Method t (�C) pH m(Stotal) Species, concentrations Reference

ZnS–H2O–H2S–
(NaOH or HCl)

Solubility of synthetic
and natural sphalerite

25 2.2–9.1 0.0004–0.1 Zn2+, Zn–Cl species, ZnðHSÞ20,
ZnSðHSÞ22�; ZnðHSÞ42�, ZnHS2

�
Daskalakis and
Helz (1993)

ZnS (sphalerite or
amorphous)–H2O–H2S

EXAFS 25 9.4 9 Not specified Helz et al.
(1993)

Zn in seawater + H2S Voltammetry 25 8 10�9–10�6 ZnHS+, ZnðHSÞ20 Zhang and
Millero (1993)

Zn in seawater + H2S Voltammetry 25 2–8 10�3–
1.5 · 10�2

ZnS0, Zn2S3
2� Luther et al.

(1996)
Zn in seawater + H2S Voltammetry, UV–vis

spectroscopy, filtration
25 7–8.3 10�3–

1.5 · 10�2
Zn3S3

0, Zn4S6
4� Luther et al.

(1999)
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Fig. 1. Logarithm of Zn concentration in equilibrium with ZnS(cr) as
a function of pH for total sulfur concentration 0.1 m (results of this
study compared with the sphalerite solubility according to literature
data). The stability constants of ZnS0

ðaqÞ and Zn2S3
2� reported by

Luther et al. (1996) were combined with Df Go
ð298:15KÞðZn2þÞ and

Df Go
ð298:15KÞðZnSðcrÞÞ from Wesolowski et al. (1998) and Robie and

Hemingway (1995), respectively, to yield the sphalerite solubility
curve. DGo

T ðZnSðcrÞÞ from Robie and Hemingway (1995) was used to
calculate the solubility curves using data of Bourcier and Barnes
(1987) and Hayashi et al. (1990). For other studies, the sphalerite
solubility product determined by the authors was used.
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pertaining to sphalerite dissolution at temperatures from
25 to 100 �C for m(Stotal) = 0.1 could be derived. The lit-
erature data presented in Table 1 and shown in Fig. 1
are inconsistent in terms of Zn concentration in equilib-
rium with sphalerite as well as regarding Zn speciation.
Gubeli and Ste-Marie (1967) have found out that the
ZnS solubility decreased with increasing pH at pH 0.75–
3 (Zn2+ predominates), but pH and m(Stotal) independent
at pH > 3 because of ZnðHSÞOH0

ðaqÞ formation. Bourcier
and Barnes (1987) determined that the predominant Zn
complex is ZnðHSÞ3�, whose stability decreases with
increasing temperature, whereas ZnðHSÞ20

aq and
ZnðHSÞ42� become predominant at high temperatures
(t > 250 �C). In contrast, Hayashi et al. (1990) suggested
that Zn–HS complexes predominate in acidic solutions,
but mixed Zn–HS–OH species dominate Zn speciation at
alkaline pH. This speciation model yields higher sphalerite
solubility in alkaline solutions than models without
hydroxide–hydrosulfide complexes (Fig. 1). Daskalakis
and Helz (1993) developed speciation model which was
similar to that of Hayashi et al. (1990) at alkaline pH,
but Daskalakis and Helz (1993) did not observe
ZnðHSÞ3� in acidic solutions. The disagreements amongst
the literature data on sphalerite solubility is due to a num-
ber of effects which may include the degree of sphalerite
crystallinity, grain size, uncertainties of analytical methods
and, probably, sphalerite stoichiometry, bearing in mind
that sphalerite may be a zinc deficient phase, as was noted
by Scott and Barnes (1973). Zhang and Millero (1994) and
Luther et al. (1996) studied the zinc speciation in seawater
in the presence of H2S using voltammetry, but the specia-
tion models developed by these authors are different (Ta-
ble 1). The sphalerite solubility curve calculated using the
ZnS0 and ZnS3

2� stability constants from Luther et al.
(1996) does not agree with the results of solubility deter-
minations mentioned above (Fig. 1).

In hydrothermal fluids in the Earth’s crust, zinc is trans-
ported mainly in the form of chloride and hydrosulfide
complexes (Barnes and Czamanske, 1967). Khodakovsky
(1966) compiled the sphalerite solubility data available
from the literature and suggested that, in the geologically
important pH range from 1.5 to �8 in the presence of
H2S, the predominant Zn species are Zn2+, ZnðHSÞ20,
and ZnðHSÞ3�. Barnes (1960b) and later Khodakovsky
(1966) have determined that the stability of Zn–HS com-
plexes is almost independent of temperature, and therefore,
oxidation, loss of H2S and pH change may cause changes in
the dissolved Zn speciation and be the main factors control-
ling Zn deposition from hydrothermal ore solutions. These
observations were consistent with more recent experimental
studies (c.f. Hayashi et al., 1990). Accordingly, the knowl-
edge of the stoichiometry of hydrosulfide and sulfide com-
plexes of Zn is necessary for accurate modelling of its
hydrothermal transport and deposition.

In this study, the stoichiometry and stability of Zn
species dominating in sulfide solutions were determined
at 100 �C and 150 bars, m(Stotal) = 0.02–0.15, and pHt

2–11 (pHt corresponds to the experimental temperature)
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from the ZnS(cr) solubility measurements with the use of
a flow-through hydrothermal reactor. Similar experimen-
tal designs were used at our laboratory in studies of
the Cu–H2S–H2O and Ag–H2S–H2O systems (Mountain
and Seward, 2003, and Stefánsson and Seward, 2003,
respectively). The experimental parameters were chosen
because reconnaissance experiments showed that, at
t < 100 �C, the Zn concentrations at the minima of the
solubility curve were quite low (i.e. <1 · 10�8 m), and
hence, the measured solubilities involved large analytical
uncertainties, which prevented the reliable determination
of the stoichiometry and stability of the predominant
complexes. The flow-through experimental solubility tech-
nique made it possible to sample large volumes of exper-
imental solutions and, after concentrating, to accurately
enough determine trace quantities of Zn. Using this
advantage of the flow-through technique, the stoichiome-
tries of Zn complexes predominating at the minima of
the solubility curve, at which the metal concentrations
are low (�0.1 ppb of Zn at m(Stotal) � 0.1), were deter-
mined. A long-term conditioning of the solid phase be-
fore the start of the solubility experiments was carried
out, and the ZnS(cr) solubility product was monitored in
the course of the experiments. Therefore, in this study
not only the ZnS(cr) solubility constants but also the sta-
bility constants for Zn hydrosulfide/sulfide complexes
were calculated directly from the experimental solubility
data by combining the solubility constants with the solu-
bility product obtained for the solid phase.
H2O saturated with H2S,
   P( H2S)=0.7 bar

pump 1

pump 2

pressure
 gauge

NaOH, HClO4,H2O
 saturated with Ar,
    P(Ar)=0.7 bar

mixing c

H2S

Ar

Flask 1

Flask 2 

Fig. 2. Experimental facility u
2. EXPERIMENTAL

The ZnS(cr) solubility measurements were performed
using a flow-through reactor (Fig. 2). Experimental solu-
tions were prepared by mixing two stock solutions: H2S-sat-
urated water (flask 1, delivered to pump 1), and NaOH,
HClO4 or H2O (flask 2, delivered to pump 2). The glass
flasks were hermetically closed and pressurized with
�0.7 bar (above atmospheric pressure) of Ar grade 6.0
(>99.9999 vol %) or H2S grade 2.0 (P99.0 vol %). The
overpressure was necessary to prevent the formation of
gas bubbles in the pump head. The solutions were delivered
via Teflon tubing to HPLC pumps fitted with Ti heads. The
wetted parts of the pump heads were Ti, a sapphire piston,
a high-density polyethylene seal ring and hasteloy C spring
inside the seal ring. The pumps were connected, via 1/16
inch PEEK tubing, to a PEEK column with an internal vol-
ume of �5 ml, which served as a mixing reservoir. After the
column, the solution was either passed through a Ti valve
into a pH cell (described below) and to the waste flask or
was delivered via Ti grade 2 tubing (0.25 in. OD, 0.1 in.
ID) into the reactor (all fittings were made of Ti Grade 2
or Grade 5). The tubing was �1 m long, so that the solution
was preheated before entering the reactor. The reactor body
was made up of a Ti–Pd alloy Ti/0.5%Pd (grade 7), with
2 lm Ti filter frits installed at both ends of the reactor.
The reactor was 30 cm long and 5 cm in diameter, with
an internal bore 0.8 cm in diameter tightly packed with
ZnS(cr). The reactor was compressed with an external steel
ell 

Ti tube

Ti-frit

ZnS

Ti-cell

Ti-fritBPR

Thermocouple

PEEK
tube cold water

sample

3M KCl

salt bridge

Reference electrodepH
meter

pH eletrode

valve

waste

sed in the experiments.
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gasket 10 cm OD. The outlet of the reactor was connected
via Ti 1/16 inch tubing to CORETEST Ti back—pressure
regulator with a Teflon membrane (BPR in Fig. 2). After
passing through the back pressure regulator, the sampling
solution flowed into a glass flask cooled with water. The
pressure was monitored accurate to ±1 bar using an HPLC
pump pressure transducer calibrated against an external
pressure gauge. During the experiment, the pressure inside
the experimental system was maintained at 150 ± 15 bars.
The temperature was maintained within ±1 �C and mea-
sured using calibrated K-type thermocouple.

ZnS pieces (99.9% Aldrich) were used as a starting mate-
rial. This material consisted of aggregates of fine ZnS
powder. The XRD pattern of this commercial ZnS
corresponded to pure sphalerite (JCPDS card 5-566). This
starting material was ground and placed into silica glass
ampoules together with several pieces of 99.99% sulfur
(Merck) (�5 g of ZnS and �5 mg of S). The tube with solid
phases was evacuated for several minutes at slow heating
(below the S(cr) melting point) and then sealed. The
ampoules were heated in a furnace to 850 �C and kept at
this temperature for 3 weeks. After this period of time,
the furnace was switched off and the ampoules were allowed
to cool down in the furnace. The excess sulfur crystallized
on the free (not filled with ZnS) end of the ampoule during
cooling. In comparison with the starting material, the
recrystallized product was coarser-grained and consisted
of crystalline grains �0.1 mm across. Finally, the powder
was washed several times with deionized water until the
supernatant became clear and dried at 60 �C for several
days. The XRD pattern of this product corresponded to
pure sphalerite.

Water provided by a MilliQ system and analytical-
grade chemical reagents were used throughout this study.
The water used to prepare experimental solutions was
boiled under vacuum in an ultrasonic bath for �30 min
and then saturated with grade 4.6 Ar passed through
Cu filings heated to 425 �C in order to remove the traces
of oxygen. This procedure was repeated 3 times. Concen-
trated 60 and 70% HClO4 and 50% NaOH solutions used
to prepare the experimental solutions were saturated with
grade 4.6 Ar. The water used for saturating with H2S
was transferred into a 2-L bottle (flask 1 in Fig. 1) and
sparged with grade 6.0 Ar for 1 h. Then the water was
bubbled under stirring with H2S for �1–1.5 h. Prior to
this, H2S was passed through a flask with water and then
through an empty flask. Finally, the outlet valve in the
bottle cap was closed, the bottle was connected directly
to the H2S cylinder via a pressure reducer and pressur-
ized with �0.7 bar of H2S until the total sulfur concen-
tration become constant (�0.15 m). The water or
solutions of HClO4 and NaOH which were kept in an-
other bottle (flask 2, V = 1 L, Fig. 1), were sparged with
deoxygenated Ar for at least 30 min and then pressurized
with the same gas.

Typically, 100–550 ml of solution were collected for
analysis, acidified to pH 1.5–2 with concentrated HCl,
and then slowly (without boiling) evaporated to dryness
on a heated sand bath. The dry residues were dissolved in
4 ml of aqua regia added to the flasks, and then the aqua
regia was slowly evaporated until the volume of the solu-
tion was reduced to �0.3 ml, and finally diluted with
�5 ml of 1.5% HNO3. The total reduced sulfur concentra-
tion was determined by iodimetric back titration with so-
dium thiosulphate. The Zn and Na concentrations were
analyzed by flame atomic absorption spectroscopy using a
Varian Spectr AA-800 spectrometer. For Na, 0.1 M
HNO3 was used as the matrix. The samples were diluted
with 0.1 M HNO3 to fall within the 1.5–3 ppm Na concen-
tration range. The precision of the analyses was ±1% at a
95% confidence level. For Zn, the matrix was 0.5%
HNO3 + 1.5% HCl (+NaCl for alkaline samples). The con-
centration of acid in the range 0–3% did not affect the mea-
sured signal. Matrix matched samples containing up to 2 M
of NaCl were used for the analyses. The precision of the
analyses was ±3% at a 95% confidence level. The detection
limit (3rn of background) for Zn was 0.01 ppm. The Zn
concentration in blank solutions, prepared by the same
method as the samples, was below this detection limit. Stan-
dard solutions containing known Zn concentrations, as well
as HClO4, NaOH, and H2S, were also treated with the
above procedure without any Zn loss detected.

The pH of acid solutions was measured at room temper-
ature (24 ± 2 �C) and ambient pressure in a flow-through
micro cell, made up of a pH glass electrode and an Ag,
AgCl/3 M KCl reference electrode. The pH electrode was
sealed inside the test compartment of the cell (made of
PVC) with a rubber o-ring. The test and reference elec-
trodes were connected by a salt bridge (3 M KCl solution).
A PEEK filter was fitted inside the test compartment at the
end of the salt bridge to allow a very slow flow of the KCl
solution into the test half-cell in order to eliminate the li-
quid junction potential. Due to the double-junction design,
the length of the salt bridge (�0.5 m), and the large volume
of the reference electrode compartment, the reference elec-
trode was not contaminated with H2S. The potentiometric
cell was standardized on the activity scale using NBS stan-
dards (pH 1.68 and 4.006 at 25 �C). The accuracy of mea-
surements was ±0.03 pH unit (determined using multiple
measurements of a pH standard during a day). The deter-
mined pH values were used to calculate the concentration
of HClO4 and pHt of acidic solutions.

3. DATA TREATMENT

The standard state for a pure solid phase and H2O cor-
responds to a unit activity of the pure phase at a given tem-
perature and pressure. The standard state adopted for
aqueous species is unit activity for a hypothetical one molal
ideal solution. The activity coefficients of charged aqueous
species were calculated using the modified Debye–Hückel
equation of Helgeson (1969), the ion size parameter a�was
taken to be 4.5 Å for all species. For neutral species, it
was assumed that logcn = �log (1 + 0.018 Æ m*), where m*

is the sum of the concentrations of all solute species. The
speciation calculations were performed with the help of
GIBBS computer code of the HCh software package (Shva-
rov, 1999; Shvarov and Bastrakov, 1999). H2O and NaOH
ion pair constants were taken from Marshall and Frank
(1981) and Ho et al. (2000), respectively. For NaHS, the
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ion pair constant of NaCl determined by Ho et al. (1994)
was used. H2S dissociation constant was taken from Sulei-
menov and Seward (1997). Concentration of ZnOH+,
ZnOH2

0
(aq), and ZnOH3

� was estimated using data of
Bénézeth et al. (2002). As some of the above mentioned
thermodynamic constants are available only for water va-
por saturated pressure (Psat), all thermodynamic values
used were for Psat, and the pressure during thermodynamic
calculations was set at Psat.

The Gibbs free energies for Zn–S–HS species were calcu-
lated by two methods. First, the calculation was performed
with the aid of the GIBBS computer code by manual itera-
tion to match the observed solubilities. Second, these values
were refined via minimizing the objective function F ¼P

mðZnÞmeasured � mðZnÞcalculated

� �2
by means of the Leven-

berg–Marquardt technique (Levenberg, 1944; Marquardt,
1963). The minimizing procedure was carried out in the
Matlab 7.1. computational language with the m(Zn)calculated

values computed using the GIBBS computer code. Calls to
the external Gibbs free energy minimization routine
(GIBBS computer code) were realized through the ActiveX
component GibbsLib.dll. The convergence was assumed to
be achieved when the F function values for two subsequent
cycles differed by less than 10�4% of the measured
concentration.

The variances of the optimized Gibbs free energies were
estimated from the Hessian of F(x), calculated at the solu-
tion (Bard, 1974). The confidence interval was calculated at
a 95% confidence level. Finally, the optimized values of the
Gibbs free energies for Zn–S–HS complexes were recalcu-
lated, together with the corresponding confidence intervals,
into the logarithms of the reaction constants as logK =
�DrG/(2.303 Æ RT).

The solubility of a fresh batch of synthetic ZnS(cr), which
had been annealed either dry or in contact with solution,
decreased slowly with time. This solubility decrease took
place continuously during one month of the reconnaissance
experiments at 25–75 �C and precluded accurate determin-
ing the solubility constants. In order to attain a stable sol-
ubility product value, a batch of ZnS(cr) was conditioned
in situ at 250 �C in contact with approximately 25 L of
0.1 m sulfide solution at pH 2–8 for 2 months. After this
treatment, the measured Zn concentrations (i.e. solubilities)
stabilized and the main experimental series was started. The
XRD analysis performed on a sample of ZnS(cr) after the
experiments did not show any significant change relative
to the initial product. Moreover, a similar solubility de-
crease was observed for some other batches of synthetic
ZnS(cr), as well as for natural Santandar sphalerite. There-
fore, we suggest that the possible reason for the solubility
decrease could be the dissolution (i.e. elimination) of small
particles of the solid phase or surface defects (etches, sharp
angles etc.). The attainment of equilibrium Zn concentra-
tions was checked by performing solubility experiments at
pH 2 at flow rates of 0.5–8 ml/min. The measured Zn con-
centration was independent of the flow rate, which means
that the stationary ZnS(cr) solubility was attained. The re-
sults of our ZnS(cr) solubility measurements are listed in
Appendix A. The equilibrium solubility constants (last four
columns in Appendix A) were calculated from the Zn con-
centrations measured at flow rates of 1.5–4 ml/min and
were also found to be independent of the flow rate. The cal-
culated concentration of Zn hydroxide complexes was al-
ways lower than 10�11 m (less than 1% of total Zn
concentration). Fig. 3 shows the solubility of ZnS(cr) as a
function of pH at m(Stotal) = 0.1. Points represent the
experimental solubility data recalculated for mStotal

= 0.1
using the Zn speciation model given below. The solid line
corresponds to Zn concentrations calculated using the sol-
ubility constants determined in this study. The solubility
curve showed in Fig. 3 exhibits four regions with different
slopes vs. pH. In acidic solutions, log m(Zntotal) decreases
with increasing pH, with the maximum slope close to
two, indicating that 2 mole of protons are consumed for
the dissolution of one mole of ZnS(cr), and Zn2+ predomi-
nates as given by,

ZnSðcrÞ þ 2Hþ ¼ Zn2þ þH2S0
ðaqÞ ð1Þ

for which,

log Ks0 ¼ log aðH2S0
ðaqÞÞ þ log aðZn2þÞ þ 2 � pH; ð1aÞ

where a is the activity of the species indicated. The stoichi-
ometry of reaction (1) is consistent with previous studies
performed in acidic media (Table 1), and was confirmed
by measurements of the ZnS(cr) solubility as a function of
m(H2S) at pH 2 performed at 25–250 �C in the reconnais-
sance experimental series (the slope of logm(Zn) vs.
log m(H2S) was close to �1 throughout the whole tempera-
ture range). Fig. 4 shows the ZnS(cr) solubility product
(reaction 1) which was monitored in the course of the
experiment. As shown in this figure, there is no systematic
change in the ZnS(cr) solubility product. The scatter of the
experimental data is mostly due to the uncertainty in calcu-
lated pHt. The value of logKs0 = � 3.276 ± 0.022 will be
used below in order to calculate the Zn–S–HS complexes
stability constants.
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Between pH 3 and 4, the measured ZnS(cr) solubility is
pH independent (Fig. 3), indicating that H+ does not par-
ticipate in ZnS(cr) dissolution. The slope of log m(Zn) vs.
logm(Stotal) is close to 1 (Fig. 5a), which is consistent with
the reaction,

ZnSðcrÞ þH2S0
ðaqÞ ¼ ZnðHSÞ2

0
ðaqÞ ð2Þ

for which,

log Ks2 ¼ log aðZnðHSÞ2
0
ðaqÞÞ � log aðH2S0

ðaqÞÞ: ð2aÞ

The further decrease in the acidity to pH = pK1(H2S)
results in an increase in the measured Zn concentrations,
indicating that the ZnS(cr) dissolution takes place with
the liberation of protons. The slope of logm(Zn) vs.
logm(Stotal) is close to 2 (Fig. 5b), and the ZnS(cr)

dissolution reaction is

ZnSðcrÞ þ 2H2S0
ðaqÞ ¼ ZnðHSÞ3� þHþ: ð3Þ

At pH > pK1(H2S), the decrease observed in the Zn concen-
tration is related to a change in the predominant sulfur spe-
cies. For this pH region, reaction (3) may be rewritten as

ZnSðcrÞ þ 2HS� þHþ ¼ ZnðHSÞ3� ð4Þ

which implies that Zn concentration decreases with increas-
ing pH. For thermodynamic calculations, it is more conve-
nient to use the reaction

ZnSðcrÞ þHS� þH2S0
ðaqÞ ¼ ZnðHSÞ3� ð5Þ

log Ks3 ¼ log aðZnðHSÞ3�Þ � log aðH2S0
ðaqÞÞ

� log aðHS�Þ ð5aÞ

such that the numbers of charged species and their charges
on both sides of the reaction are equal. At pH 7.5–9, it was
not possible to reliably control pH because of the proximity
to the H2S–NaOH system equivalence point. At pH > 9, the
observed solubility is pH independent (Fig. 3), whereas the
slope of log m(Zn) vs. logm(Stotal) is close to 1 (Fig. 5c)
which yields the reaction

ZnSðcrÞ þHS� ¼ ZnSðHSÞ� ð6Þ
log Ks11 ¼ log mðZnSðHSÞ�Þ � log aðHS�Þ: ð6aÞ

The slopes of the solubility curves discussed above repre-
sent only approximate stoichiometries of Zn species, be-
cause (i) the pH of the experimental solutions (indicated
in Fig. 5a–c) were not exactly the same, (ii) other complexes
contributed to the measured solubilities, and (iii) activity
coefficients were not taken into account. However, in all
considered pH regions, the calculated ZnS(cr) solubility
constants (last four columns in Appendix A) are pH and
m(Stotal) independent, which confirms the Zn speciation
model developed in this study (note that the values of the
ZnS(cr) solubility constants listed in Appendix A are provi-



Table 2
Logarithms of the ZnS(cr) solubility constants (final values,
calculated via least-squares regression) and stability constants for
Zn–S–HS aqueous complexes

ZnS(cr) + 2H+ = Zn2+ + H2S�(aq) logKs0 = �3.28 ± 0.02
ZnS(cr) + H2S�(aq) = Zn(HS)2� logKs2 = �6.74 ± 0.04
ZnSðcrÞ þH2S�ðaqÞ þHS� ¼ ZnðHSÞ3� logKs3 = �3.86 ± 0.03
ZnS(cr) + HS� = ZnS(HS)� logKs11 = �6.85 ± 0.05
Zn2+ + 2HS� = Zn(HS)2� logb2 = 9.52 ± 0.06
Zn2þ þ 3HS� ¼ZnðHSÞ3� logb3 = 12.39 ± 0.06
Zn2+ + 2HS� = ZnS(HS)� + H+ logb11 = 2.92 ± 0.06
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Fig. 7. Temperature function of log Ks0ðZnSðcrÞ þ 2Hþ ¼ Zn2þþ
H2So

ðaqÞÞ. Symbols correspond to experimental solubility data. The
cross shows the original value given in Daskalakis and Helz (1993),
and the diamond corresponds to the average value calculated using
Daskalakis and Helz’s (1993) sphalerite solubility data for pH 2.20
and 2.28, together with Zn–Cl complexes stability constants from
the critical compilation of Martell et al. (1997). The lines were
calculated using the thermodynamic properties of ZnS(cr) from
Robie et al. (1978) and Robie and Hemingway (1995) (R&H&F/78
and R&H/95, respectively), zincite solubility product
(ZnO + 2H+ = Zn2+ + H2O) from Wesolowski et al. (1998), and
thermodynamic properties of zincite from Robie et al. (1978) and
Kubaschewski and Alcock (1983) (for the entropy and heat
capacity and for the Gibbs free energy of formation, respectively).
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sional ones and were employed only to illustrate the plausi-
bility of the Zn speciation model. The final values for these
constants, which were refined using least-squares mathe-
matical procedure, are listed in Table 2). Finally, we note
that the solubilities measured at the minima of the solubility
curve (pH 3–4 and pH > 9) were on the order of 0.1–1 ppb
and, after concentrating, always 1.5–2 times exceeded the
detection limit. Therefore, we believe that, even at the
minima of the solubility curve, the measured Zn concentra-
tions characterize the solubility of ZnS(cr), and are not at
the detection limit of the analytical method, as was proba-
bly the case with some of the aforementioned studies.

Table 2 summarizes the final values of the ZnS(cr) solu-
bility constants. These values are in excellent agreement
with those calculated by the manual iteration of the ZnS(cr)

solubility data (Appendix A). The maximum discrepancies
between the measured and calculated solubilities were never
larger than 0.16 log units (most points fall within 0.1 log
units (Fig. 6), that is within the uncertainty of pH, m(Stotal),
and m(Zntotal) determinations), with no systematic devia-
tions observed between the measured solubility and the cal-
culated values. This fact also testifies for the plausibility of
the Zn speciation model accepted in this study. Fig. 7 shows
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Fig. 6. Plot of the logarithm of the experimental Zn concentration
minus logarithm of concentration predicted using the sphalerite
solubility constants listed in Table 2 as a function of pH.
the temperature dependence of the sphalerite and wurtzite
solubility products (equilibrium 1). The lines were calcu-
lated using the thermodynamic properties of Zn2+ obtained
from zincite (ZnO(cr)) solubility measurements (Wesolowski
et al., 1998). The value of the equilibrium constant for zinc-
ite dissolution reaction ZnO(cr) + 2H+ = Zn2+ + H2O(l)

determined at 100 �C by Wesolowski et al. (1998)
(logKs = � 8.12) is in good agreement with the value calcu-
lated using the thermodynamic properties for the reaction
components recommended by CODATA (1989)
(logKs = � 8.06). This calculated value was combined with
thermodynamic properties of ZnS(cr) from Robie et al.
(1978) and Robie and Hemingway (1995) to yield the
ZnS(cr) solubility products. The sphalerite solubility prod-
ucts determined via sphalerite solubility measurements
(points in Fig. 7, including ZnS(cr) solubility product deter-
mined in this study) are always higher than the calculated
values (solid lines). Therefore, in order to eliminate the
uncertainty related to the value of DfG

o(ZnS(cr)), the ZnS(cr)

solubility constants determined here were combined with
the ZnS(cr) solubility product and with the H2S dissociation
constant (logK1(H2S) = � 6.49 ± 0.01, Suleimenov and
Seward, 1997) to obtain equilibrium constants, bn, for the
formation of hydrosulfidozinc (II) complexes:

Zn2þ þ 2HS� ¼ ZnðHSÞ2
0
ðaqÞ ð7Þ
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log b2 ¼ log aðZnðHSÞ2
0
ðaqÞÞ � 2 � log aðHS�Þ � log aðZn2þÞ

ð7aÞ

Zn2þ þ 3HS� ¼ ZnðHSÞ3� ð8Þ

log b3 ¼ log aðZnðHSÞ3�Þ � 3 � log aðHS�Þ � log aðZn2þÞ
ð8aÞ

Zn2þ þ 2HS� ¼ ZnSðHSÞ� þHþ ð9Þ
log b11 ¼ log aðZnSðHSÞ�Þ � 2 � log aðHS�Þ � pH

� log aðZn2þÞ: ð9aÞ

The derived stability constants are given in Table 2.
Fig. 1 compares the ZnS(cr) solubilities observed in the

present study with the sphalerite solubility data available
from the literature. Apart from the Zn2+ predominance
field, the solubility curve determined in this study lies below
all literature sphalerite solubility data (note that data of
Luther et al. (1996) were obtained using voltammetry).
The shape of the solubility curve recorded in this study
and, therefore, the speciation model, are consistent with
the speciation model developed in Bourcier and Barnes
(1987) (ZnðHSÞ3� predominates at pH 6–8). The speciation
models developed in other studies of sphalerite solubility
are in conflict with our results. Zhang and Millero (1994)
voltammetrically determined the stability constants of
ZnHS+ and ZnðHSÞ20

(aq). These values are not consistent
with the results of this study because (i) we did not observe
the formation of ZnHS+ in the experimental solutions, and
(ii) the stability constant of ZnðHSÞ20

(aq), determined here
(logb2 = 9.52, Table 2) is much lower than the value deter-
mined by these authors (logb2

* = 13.7 at 25 �C and ionic
strength of sea water, I = 0.7). The shape of the sphalerite
solubility curve, as well as the concentrations of Zn calcu-
lated using the formation constants for ZnS0

ðaqÞ and
ZnS3

2� retrieved by Luther et al. (1996) from voltammetric
experimental data, are different from those determined in
the present study (Fig. 1).
Fig. 8. Loga(Cl�) vs. pH diagram for the predominance of Zn
aqueous species at 100 �C, Psat and m(Stotal) = 0.05 (a), and 0.005
(b). The stability of Zn–Cl complexes was calculated via regression
of values from the CRITICAL database (Martell et al., 1997) for
25 �C and the data of Ruaya and Seward (1986) for higher
temperatures.
4. Zn SPECIATION IN HYDROTHERMAL FLUIDS

The constants determined in the present study can be
used, together with the literature data on the stability of
Zn–Cl complexes to evaluate Zn speciation in hydrothermal
fluids and determine the conditions of Zn ore formation.
Fig. 8a and b shows predominance diagrams for Zn aque-
ous species in NaCl–HCl–H2S solutions at 100 �C, Psat.
We assumed that mixed hydroxide chloride complexes of
Zn are not important. We also suppose that, with heating,
the predominance fields of Zn–Cl complexes expand at the
expense of Zn–S–HS species as the stability of the former
increases in high-temperature solutions, whereas the stabil-
ity of Zn–S–HS complexes is only weakly sensitive to tem-
perature (e.g. Bourcier and Barnes, 1987). As follows from
these diagrams, in acidic hydrothermal solutions Zn is
transported in mainly the form of chloride complexes
(ZnCl+ and ZnCl2). With a decrease in the H2S concentra-
tion, the predominance fields of Zn–Cl complexes expand
towards higher pH (Fig. 8b). As can be seen form the sphal-
erite solubility curve (Fig. 3) in comparison with Fig. 8, the
concentration of dissolved Zn in acidic solutions (Zn–Cl
complexes predominate) can be much higher (by a few or-
ders of magnitude) than the concentrations at weakly acidic
and alkaline pH, at which Zn–S–HS complexes predomi-
nate. Therefore, acidic chloride fluids are responsible for
Zn hydrothermal transport at many hydrothermal Zn
deposits, including submarine deposits in the Red Sea (Cro-
nan, 1980), black smokers (Zierenberg et al., 1984; Grichyk,
2000; Bogdanov et al., 2006), and the low-temperature ore-
forming system at the Cheleken Peninsula (Lebedev and
Nikitina, 1983). The neutralization of acidic fluids results
in the deposition of the bulk of Zn in the form of sphalerite.
However, geological observations indicate that ore trans-
porting fluids at some mineral deposits can be weakly acidic
to near-neutral. For example, the Kuroko type (Pb–Cu–Zn)
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deposits mineralized fluids were in equilibrium with mont-
morillonite–seritsite–quartz and K-feldspar–muscovite–
quartz mineral assemblages. These equilibria yield pH with-
in the range of 4.5–6.5 at 200–350 �C and m(K) = 0.01–0.1
(Ohmoto and Skinner, 1983; Franklin et al., 1981). In these
fluids Zn can be transported with both Zn–Cl and
ZnðHSÞ3� complexes. The cooling of these fluids, together
with pH change towards more alkaline values due to mixing
with seawater or another solution of high pH, would result
in Zn deposition because of (i) a change in the Zn predom-
inant complex (Zn–Cl complexes in high-temperature acidic
solutions, and ZnðHSÞ3� and ZnSHS� at lower tempera-
tures and alkaline pH), and (ii) a decrease in the Zn solubil-
ity because of pH shift and a change in the S predominant
species (HS� at pH > pK1(H2S), Fig. 3) in the region of
ZnðHSÞ3� predominance. Analogously, pH changes may
lead to Zn deposition from sulfide-rich solutions because
of interaction of hydrothermal fluid with calcareous silt-
stones or limestone (Cu–Pb–Zn sulfide deposits in the Rou-
dnyi Altai, eastern Kazakhstan, and southern Siberia
(Bespaev et al., 1997), and sulfide deposits of the Uralian
(Ci–Zn) type, Prokin and Buslaev (1999), respectively).
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APPENDIX A

Composition of experimental solutions, calculated solute concentrations (mol/kg H2O), and estimated values of
the logarithms of the ZnS(cr) solubility constants. The latter values are the provisional estimates of the solubility
constants (calculated by manual iteration) and were used only to demonstrate the plausibility of the speciation
model.

Sample Experimental values Calculated values logKs logKs log Ks logKs
N
 (Zn2+)
 (Zn(HS)2�)
 ðZnðHSÞ�3 Þ
 (ZnS(HS)�)

m(Zn)
 m(H2S)
 m(NaOH)
 m(HClO4)a
 pH
 [HS�]
 [H2S�]
100/1
 1.45E�06
 7.32E�02
 0
 1.200E�02
 1.98
 2.55E�06
 7.32E�02
 �3.25

100/2
 1.47E�06
 7.32E�02
 0
 1.200E�02
 1.98
 2.55E�06
 7.32E�02
 �3.24

100/3
 1.39E�06
 7.02E�02
 0
 1.330E�02
 1.94
 2.23E�06
 7.02E�02
 �3.37

100/4
 1.55E�06
 7.22E�02
 0
 1.290E�02
 1.95
 2.36E�06
 7.22E�02
 �3.29

100/5
 6.17E�09
 2.24E�02
 0
 1.258E�04
 3.78
 4.40E�05
 2.24E�02
 �6.62

100/6
 8.65E�09
 5.49E�02
 0
 9.508E�05
 3.73
 9.61E�05
 5.48E�02
 �6.86

100/7
 1.71E�08
 9.14E�02
 0
 6.060E�05
 3.69
 1.47E�04
 9.13E�02
 �6.78

100/8
 3.03E�08
 1.56E�01
 0
 0
 3.65
 2.29E�04
 1.56E�01
 �6.79

100/9
 1.19E�08
 7.01E�02
 0
 8.071E�05
 3.71
 1.18E�04
 6.99E�02
 �6.83

100/10
 1.31E�06
 7.03E�02
 0
 1.080E�02
 2.02
 2.69E�06
 7.03E�02
 �3.21

100/11a
 1.32E�06
 7.06E�02
 0
 1.150E�02
 2.00
 2.55E�06
 7.06E�02
 �3.26

100/11
 5.12E�08
 1.33E�01
 1.48E�03
 0
 4.53
 1.51E�03
 1.32E�01
 �3.88

100/12
 5.95E�08
 1.25E�01
 2.04E�03
 0
 4.69
 2.06E�03
 1.23E�01
 �3.85

100/13
 6.22E�08
 7.91E�02
 4.89E�03
 0
 5.27
 4.89E�03
 7.42E�02
 �3.88

100/14
 6.02E�08
 9.98E�02
 3.63E�03
 0
 5.04
 3.64E�03
 9.62E�02
 �3.92

100/16
 1.35E�06
 7.18E�02
 0
 1.170E�02
 1.99
 2.56E�06
 7.18E�02
 �3.26

100/17
 1.25E�06
 6.69E�02
 0
 1.230E�02
 1.97
 2.28E�06
 6.69E�02
 �3.37

100/18
 1.27E�06
 6.89E�02
 0
 1.180E�02
 1.98
 2.43E�06
 6.89E�02
 �3.31

100/19
 1.21E�07
 1.45E�01
 5.55E�03
 0
 5.05
 5.51E�03
 1.40E�01
 �3.91

100/20
 2.03E�07
 1.48E�01
 1.00E�02
 0
 5.30
 9.99E�03
 1.38E�01
 �3.89

100/21
 3.41E�07
 1.11E�01
 2.71E�02
 0
 5.92
 2.70E�02
 8.39E�02
 �3.84

100/22
 3.04E�07
 8.99E�02
 3.77E�02
 0
 6.26
 3.75E�02
 5.22E�02
 �3.82

100/23
 1.99E�07
 7.09E�02
 4.50E�02
 0
 6.64
 4.47E�02
 2.59E�02
 �3.77

100/24
 7.21E�08
 6.01E�02
 5.27E�02
 0
 7.24
 5.23E�02
 7.41E�03
 �3.74

100/25
 1.47E�06
 6.57E�02
 0
 1.130E�02
 2.00
 2.41E�06
 6.57E�02
 �3.23

100/26
 1.36E�06
 6.68E�02
 0
 1.110E�02
 2.01
 2.49E�06
 6.68E�02
 �3.24

100/27
 4.78E�09
 1.95E�02
 0
 0
 4.10
 8.01E�05
 1.94E�02
 �6.65

100/29
 7.76E�09
 3.05E�02
 0
 0
 4.00
 1.00E�04
 3.04E�02
 �6.63

100/30
 5.25E�08
 5.37E�02
 6.39E�03
 0
 5.58
 6.39E�03
 4.73E�02
 �3.84

100/31
 1.49E�08
 2.36E�02
 2.51E�03
 0
 5.54
 2.51E�03
 2.11E�02
 �3.69

110/32
 2.89E�08
 3.88E�02
 4.55E�03
 0
 5.58
 4.55E�03
 3.42E�02
 �3.84

100/33
 8.25E�08
 7.36E�02
 8.50E�03
 0
 5.56
 8.49E�03
 6.51E�02
 �3.90

100/34
 2.88E�07
 1.45E�01
 1.75E�02
 0
 5.56
 1.75E�02
 1.28E�01
 �3.93

100/35
 4.22E�07
 1.07E�01
 7.55E�02
 0
 6.76
 7.47E�02
 3.15E�02
 �3.75
(continued on next page)
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Appendix A (continued)
Sample
N

Experimental values
 Calculated values
 logKs

(Zn2+)

logKs

(Zn(HS)2�)

log Ks

ðZnðHSÞ�3 Þ

logKs

(ZnS(HS)�)

m(Zn)
 m(H2S)
 m(NaOH)
 m(HClO4)a
 pH
 [HS�]
 [H2S�]
100/36
 1.46E�07
 9.90E�02
 8.87E�02
 0
 7.30
 8.76E�02
 1.03E�02
 �3.80

100/37
 1.39E�06
 7.02E�02
 0
 1.170E�02
 1.99
 2.50E�06
 7.02E�02
 �3.26

100/38
 1.36E�06
 7.03E�02
 0
 1.190E�02
 1.98
 2.47E�06
 7.03E�02
 �3.28

100/39
 1.36E�06
 7.03E�02
 0
 1.260E�02
 1.96
 2.34E�06
 7.03E�02
 �3.33

100/40
 1.48E�08
 9.91E�02
 1.00E�01
 0
 9.13
 9.76E�02
 1.70E�04
 �6.90

100/41
 1.87E�07
 1.02E�01
 8.47E�02
 0
 7.06
 8.37E�02
 1.73E�02
 �3.90

100/42
 3.26E�07
 1.38E�01
 2.00E�02
 0
 5.65
 1.99E�02
 1.18E�01
 �3.89

100/43
 7.70E�08
 7.62E�02
 8.97E�03
 0
 5.57
 8.96E�03
 6.72E�02
 �3.97

100/44
 5.98E�08
 1.13E�01
 4.38E�03
 0
 5.06
 4.39E�03
 1.09E�01
 �4.09

100/45
 1.52E�06
 7.34E�02
 0
 1.220E�02
 1.97
 2.52E�06
 7.34E�02
 �3.24

100/46
 1.43E�06
 7.64E�02
 0
 1.280E�02
 1.95
 2.51E�06
 7.64E�02
 �3.29

100/47
 1.48E�06
 6.90E�02
 0
 1.230E�02
 1.97
 2.65E�06
 6.90E�02
 �3.29

100/48
 1.42E�06
 6.62E�02
 0
 1.230E�02
 1.97
 2.25E�06
 6.62E�02
 �3.32

100/50
 1.79E�08
 9.53E�02
 1.27E�01
 0
 10.59
 9.38E�02
 5.59E�06
 �6.83

100/51
 1.67E�08
 1.02E�01
 1.14E�01
 0
 10.17
 1.01E�01
 1.57E�05
 �6.83

100/52
 1.65E�08
 1.04E�01
 1.12E�01
 0
 10.00
 1.03E�01
 2.39E�05
 �6.83

100/53
 1.57E�08
 9.80E�02
 1.18E�01
 0
 10.39
 9.66E�02
 9.07E�06
 �6.87

100/55
 9.23E�09
 5.51E�02
 5.91E�02
 0
 9.74
 5.46E�02
 2.44E�05
 �6.79

100/56
 1.26E�08
 7.48E�02
 8.82E�02
 0
 10.24
 7.39E�02
 1.01E�05
 �6.82

100/59
 2.85E�08
 1.26E�01
 0
 8.900E�04
 3.05
 4.71E�05
 1.26E�01
 �6.73

100/60
 6.50E�08
 1.27E�01
 0
 2.630E�03
 2.61
 1.77E�05
 1.27E�01
 �6.61

100/61
 3.39E�08
 1.27E�01
 0
 1.360E�03
 2.88
 3.25E�05
 1.27E�01
 �6.72

100/62
 1.47E�06
 7.26E�02
 0
 1.200E�02
 1.98
 2.53E�06
 7.26E�02
 �3.24

100/63
 1.49E�06
 7.26E�02
 0
 1.170E�02
 1.99
 2.58E�06
 7.26E�02
 �3.21

100/66
 3.19E�07
 1.48E�01
 0
 8.140E�03
 2.14
 7.31E�06
 1.48E�01
 �3.24

100/67
 3.01E�07
 1.48E�01
 0
 8.140E�03
 2.14
 7.31E�06
 1.48E�01
 �3.27

Average
 �3.27
 �6.72
 �3.86
 �6.85

Confidence interval at 95% confidence level
 0.02
 0.05
 0.06
 0.05
a Evaluated using pH measured at 25 �C.
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