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Abstract

The temperature and pressure limit of brine in oil & gas wells is typically below 205oC and
24,000 psi. Generally, the impact of temperature change on properties of brine is more significant
than the effect of pressure change. High temperature (above 100oC) related research is sparse
because of experimental challenges, most research setup at low temperature should be
fundamentally changed to be applied to high-temperature environments. Research at hightemperature high-pressure (HTHP) is the most challenging because of the need for special
materials and cautious experimental procedures. In this research, by measuring the solubility of
anhydrite at concentrated high [Ca] solution below 220oC and the following Pitzer modeling with
updated database, as well as measuring induction time of barite nucleation using a novel laserhydrothermal apparatus, we aim to quantitatively understand the effect of temperature on
thermodynamics and kinetics of some sulfate scale minerals.
Solubility measurement of scale minerals in electrolyte solution is a mature field, the
research boundary has shifted to combined conditions of high temperature, high pressure and high
salinity. In Chapter 2, the solubility of calcium sulfate anhydrite was measured in the presence of
high NaCl and CaCl2 concentrations at temperatures from 120oC to 220oC. A static hydrothermal
reactor method was used, solubility equilibrium was verified by continuously monitoring both
[Ca2+] and [SO42-], as well as comparison of results with the literature. In CaCl2 solution ranged
6

from 0-1.33 m, when CaCl2 concentration increases at a constant temperature, the solubility of
anhydrite increases at T>175oC due to higher ionic strength but shows a complex behavior below
175oC. Another setup is the solubility of anhydrite in the presence of mixed NaCl-CaCl2 solution
with a constant ionic strength of 4 m, results show that solubility of anhydrite at low calcium
concentration (0.25 m CaCl2, 3.25 m NaCl) is significantly higher than that with higher Ca2+
concentration, which can be explained by the Ca2+ common ion effect. When CaCl2 concentrations
increase to 0.5 m, 0.75 m, 1 m, and 1.33 m, anhydrite solubility does not change significantly at a
constant ionic strength of 4 m within the temperature range, suggesting that common ion effect is
only significant at low Ca concentrations.
In Chapter 3, solubility data from Chapter 2 are incorporated into a database of PitzerDebye-Hückel model, wherein thousands of thermodynamic data of sulfate minerals (barite,
celestite, gypsum, and anhydrite) are taken from literature and integrated to give the best regression
results of ion-ion interaction parameters, especially the bivalent Ca-SO4 interaction parameters.
The revision of Ksp values of sulfate minerals at HPHT and the multivariate linear regression
procedure are also discussed in detail.
In Chapter 4, we designed a laser hydrothermal reactor to measure barite nucleation
induction time at temperature up to 250oC. A stainless 316 aging cell was equipped with two sight
windows on its wall, through which a laser beam penetrates to monitor the turbidity change of
supersaturated solution inside. Barite supersaturation was established by injecting concentrated
0.5 ml of BaCl2 and Na2SO4 solution into about 200 g background solution (1 m NaCl, 0.025 m
CaCl2), with saturation index (SI) range from 0.4 to 1.2 and temperature range 90oC to 250oC.
Results show an expected behavior that induction time decreases with both SI and temperature.
7

Additionally, the effect of two thermally stable chemical additives, branded “polymer inhibitors
of sulfonated carbonate copolymer (SCC)” and “polyvinyl sulfonate (PVS)”, was also examined
at 200oC. Again, an expected inhibition pattern was observed, induction time decrease with
inhibitor concentration (0-2 ppm) at constant SI value. These results imply that the change of
induction time with SI and inhibitor concentration follows a similar trend from temperature range
4oC and 250oC.
Keywords: high temperature, anhydrite solubility, Pitzer model, barite nucleation
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Chapter 1

Temperature impact on thermodynamics and
kinetics of aqueous solution: a literature review

1.1 Properties of water at high temperature
Temperature, an average physical property of hotness or coldness that we can feel, is
proportional to the mean energy of the statistical ensemble of microstates in a system. For ideal
gas of a single atom, the mean translation energy of this atom is 3/2×(mass)×(velocity)2 and equals
3
2

𝐾𝐵 𝑇; for ideal gas of molecules, the mean rotational energy of a molecule is 3/2×(moments of
3

inertia)×(angular velocity)2 also equal to 𝐾𝐵 𝑇; For ideal crystals, atoms or molecules lose the
2

freedom to move or rotate but gain freedom to oscillate around their equilibrium position, like a
harmonic oscillator, the energy of each one oscillator is 3𝑘𝐵 𝑇, which gives solid an ideal heat
capacity of 3R.
9

The liquid water can be roughly thought of as existing between state of gas and solid. At
supercritical temperatures, >374°C, the boundary between liquid water and water vapor disappears;
At the triple point, 0.01°C, 612 Pa, water forms one of its solid phases, ice-Ih. In this thesis only
temperature of 0°C to 250°C (that of practical interest in the petroleum industry) will be considered.
From a molecular perspective, the ideal gas state of water differs with its solid state only
by the constitution or “order” of molecules, the former retains no order as well as the interaction
between water molecules, while the latter shows rigid structure. Liquid water serves as a transient
state between gas and solid. When the ice melts to liquid water at 0°C, a large portion of water
molecules gain a new degree of translational freedom, its macro-crystal structure collapsed but
some “local order” still exists.
The hydrogen bond (H-bond) is one form of such local order, the dynamic HO-H···OH2
bond indicates that since water is a protic solvent, each H2O molecule has two proton donors and
two proton acceptors, a water molecule can at most form H-bond with four of its neighbor H2O
molecules, so theoretically a tetrahedral structure similar to the structure of ice can exist in liquid
water. If such a tetrahedral H-bond structure becomes extensive, water clusters emerge that can
mimic an “ice-like” configuration. The nature of H-bond and its impact on bulk water properties
is complex and controversial, some researchers propose a “mixture model”, that the structure of
bulk water is a mixture of “high-density water”, where hydrogen bonds are broken and water
molecules are closely packed, and “low-density ice”, where hydrogen bonds are intact similar to
ice. Other researchers propose a “continuum model” that the bulk water consists of hydrogen bond
network and this network only get weaken and distorted at high temperature [Ludwig, 2001].

10

The hydrogen bond is a key to understand temperature effects on the properties of water.
With the increase of temperature, thermal fluctuation will cause distorted or broken H-bonds, and
is observed using X-ray adsorption for water between -22° to 15°C [Smith J.D, Cappa C.D. &
Wilson K.R., et al. 2004], if such thermal fluctuation cause broken of HO-H bond in HO-H···OH2
instead, the disassociation of H2O will happen and the degree of disassociation will increase with
temperature. Molecular dynamics simulation shows that a higher temperature will induce
hydrogen bond rupture (Stillinger and Rahman, 1972). Using experimental static dielectric
constant (εr) of water to fit a dielectric constant function based on the Kirkwood-Frohlich theory,
an average of four H-bonds around one central H2O molecule at 25°C was derived and it will
decrease with temperature to about two H-bonds at 250°C [S.J. Suresh & V.M. Naik, 2000].
Higher temperatures will change water structure as well as its thermodynamic and kinetic
properties dramatically. Figure 1.1 shows the change of static dielectric constant and density with
temperature and pressure. The dielectric constant, εr, decreases with temperature dramatically from
78.4 at 25°C to 27.3 at 250°C. Pressure increase from vapor pressure of water to 2000 bar only
increase εr at the same temperature by less than about 24%. Density at 250°C will decrease to 80%
of its 25°C value, both at their vapor pressures.
At low temperature around 25°C, water can be imaged as a highly ordered H-bond network,
water has several unique properties at low temperature: a maximum density at 4°C, 1bar; a
minimum isothermal compressibility, κ, at 46°C; and a minimum heat capacity Cp at 35°C. At high
temperature, the hydrogen bond structure will deteriorate, and water becomes more like an organic
solvent such as methanol. The dielectric constant decrease has a fundamental impact on the
dissolution capacity of water on ionic crystals.
11

Figure 1.1 Change of relative dielectric constant and density of pure water with temperature and
pressure. The coefficients for dielectric constant is taken from Tanger IV and Helgeson, 1988
[Tanger IV and Helgeson 1988], the density coefficients taken from international steam tables.
[Kretzschmar, Hans-Joachim, Wagner, Wolfgang, 1997]. (Note: IAPWS 1997 density model has
pressure limit 1000bar, the results may about 0.1% error at 150C, 2000bar; about 0.5% error at
250C, 1700bar)

1.2 Properties of aqueous dilute electrolyte solution below 250°C
When 1 mole of 1:1 salt (NaCl) is hypothetically introduced into 1000 g of pure water, and
the ions of this salt do not interact with each other neither by electrostatic force nor by short-range
force, this solution is considered as the “standard state” or reference state from which to calculate
thermodynamic properties of aqueous species in solution. Such a standard state is imaginary. A
practical way to mimic the standard state is the highly dilute solution, 10-6 m NaCl solution for
example, the molar Gibbs free energy of this solution is slightly lower yet almost equal to the
standard state value. The slight difference can be accurately predicted by the Debye-Hückel theory.
12

1.2.1 Ion screening effect at high temperature
The Debye-Hückel theory, derived from the Boltzmann’s distribution of other ions around
a central ion and the linearized Poisson-Boltzmann equation, gives the potential at distance r from
the central ion j with charge zj,

𝜑𝑗 = −

𝑧𝑗 𝑒 𝑒 −𝜅(𝑟−𝑎)
∗
𝜀𝑟 1 + 𝜅𝑎

(1.1)

1

The Debye length 𝜆𝐷 = is defined by
𝜅

2𝑁𝐴 𝑒 2 ∗ 𝜌 ∗ 𝐼𝑠𝑡
𝜅 =
𝜀0 𝜀𝑟 ∗ 𝑘𝑏 𝑇
2

𝜆𝐷 =

1
𝜀𝑘𝐵 𝑇
𝜀0 𝜀𝑟 𝑘𝐵 𝑇
=√
=√
2
𝜅
8𝜋𝑁𝐴 𝑒 𝜌 ∗ 𝐼𝑠𝑡
𝜌𝑁𝐴 𝑒 2 ∗ 𝐼𝑠𝑡

(1.2)

(1.3)

The potential 𝜑𝑗 can be viewed as the combination of the potential due to the central
ion,

𝜑𝑗,𝑐𝑒𝑛𝑡𝑟𝑎𝑙 = −

𝑧𝑗 𝑒
𝜀𝑟

(1.4)

And due to the all the other ions in the “ion atmosphere’’,

𝜑𝑗,𝑎𝑡𝑚𝑜𝑠𝑝ℎ𝑒𝑟𝑒

13

𝑧𝑗 𝑒 𝑒 −𝜅(𝑟−𝑎)
= −
∗(
− 1)
𝜀𝑟
1 + 𝜅𝑎

(1.5)

𝑒 𝜅𝑎

Since 0 < 1+𝜅𝑎 ∗ 𝑒 −𝜅𝑟 < 1, 𝜑𝑗,𝑎𝑡𝑚𝑜𝑠𝑝ℎ𝑒𝑟𝑒 has a sign opposite to 𝜑𝑗,𝑐𝑒𝑛𝑡𝑟𝑎𝑙 but its
absolute value is always lower than 𝜑𝑗,𝑐𝑒𝑛𝑡𝑟𝑎𝑙 , this leads to a “screening” effect, that it
always reduces the electrostatic potential due to central ion.
At r=a (the “surface” of central ion if the ion is considered a charged ball),

𝜑𝑗,𝑎𝑡𝑚𝑜𝑠𝑝ℎ𝑒𝑟𝑒,𝑟=𝑎 = −

𝑧𝑗 𝑒
1
∗
𝜀 1/𝜅 + 𝑎

(1.6)

This means to the central ion, the potential generated by all the others ions in its
“ion atmosphere” on its location (r=a), is equal to the potential generated by an “imagined”
uniformly charge shell with radius (1/𝜅 + 𝑎). This potential has significant meaning, since
the choice of the central ion 𝑧𝑗 is arbitrary, electrolyte potential of the total system (also the
excess Gibbs free energy) is a summation of this potential when each ion is chosen as
central ion,
𝑛

∑ 𝑛𝑗 𝑧𝑗 2 𝑒 2
1
1
𝐺 = ∗ ∑ 𝑧𝑗 𝑒 ∗ 𝜑𝑗,𝑎𝑡𝑚𝑜𝑠𝑝ℎ𝑒𝑟𝑒,𝑟=𝑎 = −
∗(
)
2
𝜀
1/𝜅 + 𝑎
𝐸

(1.7)

𝑗

The ratio of 1/2 should be included because each ion was counted as both the central
ion and “atmosphere” in the summation. Differentiate 𝐺 𝐸 with respect to 𝑚𝑗 , where 𝑚𝑗 =
𝑛𝑗 /𝑁𝐴 , and divided by RT, gives the molality-based activity coefficient,

𝑙𝑛γ𝑗 = −

𝑁𝐴 ∗ 𝑧𝑗 2 𝑒 2
𝑧𝑗 2 𝑒 2
1
1
𝜅
)∗
∗(
=−
∗(
)
1
2𝜀
𝑅𝑇
2𝜀𝑘𝑇
1
+
𝜅𝑎
𝜅+𝑎

Combine the above equation for 𝜅,
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(1.8)

𝑙𝑛γ𝑗 = −

𝑧𝑗 2 𝑒 2
1
8𝜋𝑁𝐴 𝑒 2 ∗ 𝜌 ∗ 𝐼
)∗√
∗(
2𝜀𝑘𝑏 𝑇 1 + 𝜅𝑎
𝜀 ∗ 𝑘𝑏 𝑇
(1.9)
1.5

𝑒2
= √2𝜋𝑁𝐴 𝜌 ∗ (
)
𝜀𝑘𝑏 𝑇

𝑧𝑗 2 √𝐼
∗−
1 + 𝜅𝑎

Debye-Hückel parameter for activity coefficient Aγ is defined as,
1.5

𝑒2
𝐴 = √2𝜋𝑁𝐴 𝜌 ∗ (
)
𝜀𝑘𝑏 𝑇
𝛾

(1.10)

Debye-Hückel parameter B is defined as,

𝐵=√

8𝜋𝑁𝐴 𝑒 2 ∗ 𝜌
𝜀 ∗ 𝑘𝐵 𝑇

𝜅 = 𝐵 ∗ √𝐼𝑠𝑡

(1.11)

(1.12)

Combine all the above equation gives the familiar form of D-H equation,

𝛾

𝑙𝑛γ𝑗 = 𝐴 ∗

−𝑧𝑗 2 √𝐼
1 + 𝐵𝑎 ∗ √𝐼

(1.13)

In figure 1.2a is 1/κ plotted with molality of different salts at both 25°C and 250°C.
1/κ strongly depends on ionic strength however only slightly decreases to temperature. As
discussed in the last section, for any ion with charge zi in a dilute solution, the electrostatic
effect of the ionic atmosphere to this ion is equal to charged shell - zi with distance 1/κ
away from the central ion’s surface, this means the Debye distribution of ions around a
central ion does not change much with temperature.
15

Figure 1.2a Change of Debye length 1/κ with ionic strength at different temperature at PSAT

The “screening effect”, ratio of potential due to “ionic atmosphere” and “central ion j” is,

𝑅𝑎𝑡𝑖𝑜𝑠𝑐𝑟𝑒𝑒𝑛𝑖𝑛𝑔 =

𝜑𝑗,𝑎𝑡𝑚𝑜𝑠𝑝ℎ𝑒𝑟𝑒
𝑒 𝜅𝑎
=
∗ 𝑒 −𝜅𝑟 − 1
𝜑𝑗,𝑐𝑒𝑛𝑡𝑟𝑎𝑙
1 + 𝜅𝑎

(1.14)

In figure 1.2b is this ratio plotted with ionic strength at 25°C, 1bar, and at multiple distances
of r=N*a, separate values of a=1.91Å, a=2.87Å is assumed, which closely relates with the radius
of hydrated Na+ and Ca2+ ion, respectively. In dilute solution of ionic strength IS<0.01m, and
distance r < 4a, less than about 30% of the potential due to central ion Ca2+is screened out, the
potential due to central ion is still dominating. This conclusion is pertinent to the discussion of ion
association.
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Figure 1.2b Ionic screening effect of “ionic atmosphere” with ionic strength at different distance
𝒆𝜿𝒂

to the central ion, value of (𝟏+𝜿𝒂 ∗ 𝒆−𝜿𝒓 − 𝟏), at 25°C, 1bar. The screening ratio is negative
because the “screening effect” weakens electrostatic potential due to central ion, where ratio=1 means total screening.

Debye-Huckel law is well known to be only applied to dilute solution to calculate activity
coefficient of ions, e.g., <0.1m NaCl solution. Beyond this concentration, at 1m NaCl solution for
example, 𝜆𝐷 reduce to a value that is about 0.3nm (see Figure 1.2a and 1.2b), this small distance
is close to a hydrated Na+ ion and will continue to decrease with √𝐼𝑆. 𝜆𝐷 might be experimentally
determined by measuring the repulsing force (by a technique of Surface Force Balance, SFB)
between two parallel charged mica surfaces across NaCl solution. It was found that the repulsion
force decreases exponentially with distance when distance d > 3nm, and that the characteristic
decay length 𝜆𝐷,𝑒𝑥𝑝 ≈ 𝜆𝐷,𝑡ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐 when [NaCl] < 1m. However, when NaCl > 1m, 𝜆𝐷,𝑒𝑥𝑝 ≫ 𝜆𝐷
and will increase with √𝐼𝑠𝑡 [A.M. Smith, A.A. Lee & Susan Perkin, 2016]. The following
relationship was proposed,
17

𝜆𝐷,𝑒𝑥𝑝
𝑎
= 1, 𝑤ℎ𝑒𝑛
< 1, 𝑝𝑟𝑒𝑑𝑖𝑐𝑡𝑒𝑑 𝑏𝑦 𝐷 − 𝐻 𝑙𝑎𝑤
𝜆𝐷
𝜆𝐷

𝜆𝐷,𝑒𝑥𝑝 ≫ 𝜆𝐷 𝑎𝑛𝑑

𝜆𝐷,𝑒𝑥𝑝
𝑎
𝑎
= ( )3 , 𝑤ℎ𝑒𝑛
>1
𝜆𝐷
𝜆𝐷
𝜆𝐷

Where a is the mean distance the electrolyte ion pair, 𝑎3 = (

3
3
𝑎𝐶𝑎𝑡
+𝑎𝐴𝑛𝑖

2

) provided the

electrolyte is symmetrical. The author suggested that for concentrated solutions, the long-range
“ionic screening effect” becomes weaker when ionic strength increases instead of becoming
stronger, contrary to the prediction of D-H law. This effect is termed “Under-screening effect”
[A.A. Lee, C.S. Perez-Martinez, A.M. Smith & S. Perkin, 2017].
However, the above theory is not without controversy. J.M. Pasheley & J.N. Israelachvili
(1984) measured the repulsion force of charged mica surfaces with the same technique in 1 m KCl
solutions, with a similar observation that the repulsion force saw an exponential decay at distance
d between 1.7 nm to 4 nm. However they concluded that such decay is the “monotonically
decaying hydration force”, which is due to surface coverage of K+ ions and its multiple hydration
layers, when two surfaces approach each other, the energy barrier of removing the hydration layers
of the cations is the main source of repulsion force.
1.2.2 Bjerrum length and electrolyte ion-ion interaction
Bjerrum length 𝜆𝐵 is defined as

𝜆𝐵 =
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𝑒2
𝑒2
=
4𝜋𝜀0 𝜀𝑟 𝑘𝐵 𝑇 ε𝑘𝐵 𝑇

(1.15)

In figure 1.3, Bjerrum length in aqueous solution is plotted with the temperature at PSAT.
The Bjerrum length increases with temperature, which simply states that with an increase of
temperature but a significant decrease of 𝜀𝑟 , the overall effect is that the central ion has a larger
“influence radius” at a higher temperature. Even though the distribution of the ion atmosphere
does not change significantly, the “ion association” of the same radius will be enhanced at high
temperatures.
Bjerrum length 𝜆𝐵 can also be interpreted by the Debye-Hückel theory. Since the potential
at distance r from the center of the central ion j is,

𝜑𝑗 = −

𝑧𝑗 𝑒 𝑒 −𝜅(𝑟−𝑎)
∗
𝜀𝑟 1 + 𝜅𝑎

(1.16)

The Boltzmann’s distribution tells that, the number density of an oppositely charged ion
𝑧𝑖 in the atmosphere of central ion 𝑧𝑗 is,

𝑛𝑖−𝑗 = 𝑛𝑖,0 ∗ exp (−

𝑧𝑖 𝑒𝜑𝑗
𝑧𝑖 𝑧𝑗 𝑒 2 𝑒 −𝜅(𝑟−𝑎) 1
) = 𝑛𝑖,0 ∗ exp (
∗
∗ )
𝑘𝑇
𝜀𝑘𝑇
1 + 𝜅𝑎 𝑟

(1.17)

Figure 1.2b shows that, for dilute solution with ionic strength I<0.01m, at a distance of 𝑟 <
2𝑎,

𝑒 𝜅(𝑎−𝑟)
1+𝜅𝑎

> 0.83, this value slightly decrease with r, but is not sensitive to r. To simplify the

analysis, assume

𝑒 𝜅(𝑎−𝑟)
1+𝜅𝑎

= 1, then probability of finding an oppositely charged ion 𝑧𝑖 inside a

sphere of 𝑟0 from the central ion is,
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𝑧𝑖 𝑧𝑗 𝑒 2
𝑟0 +𝑑𝑟
2
4𝜋𝑟 𝑛𝑖,0 exp (
)𝑑𝑟
∫𝑟0
𝜀𝑘𝑇𝑟
𝑣𝑜𝑙𝑢𝑚𝑒 𝑏𝑜𝑢𝑛𝑑𝑎𝑟𝑦
𝑛𝑖,0 ∗ ∫𝑎
4𝜋𝑟 2 𝑑𝑟

𝑟

=

0
∫𝑎 4𝜋𝑟 2 exp (

𝑧𝑖 𝑧𝑗 ∗ 𝜆𝐵
)𝑑𝑟
𝑟

(1.18)

𝑉

Here the 𝑎 value, “closest approach of central ion j” by the original definition, should
change to be “closest approach of a cation with an anion”, which should count both of their ionic
radius.
The probability density function 4𝜋𝑟 2 exp (

𝑧𝑖 𝑧𝑗 ∗𝜆𝐵
𝑟

) has a minimum at a distance of

|𝑧𝑖 𝑧𝑗 |𝑒 2
1
𝑞 = − ∗ 𝑧𝑖 𝑧𝑗 ∗ 𝜆𝐵 =
2
2𝜀𝑘𝑇

(1.19)

Bjerrum considered the probability of finding an opposite charged ion (in a time-averaged
sense) inside the shell with critical distance q from the central ion, is equal to the degree of
association 1 − 𝛼 of a single solute,
𝑞

1 − 𝛼 = ∫ 4𝜋
𝑎

𝑁𝐴 ∗ 𝑐 2
−2𝑞
𝑟 exp (
)𝑑𝑟
1000
𝑟

(1.20)

By its definition, the “ion association” concept based by Bjerrum’s ion association theory
1

is different from the “complexes” concept, as a sphere with a radius of − 2 ∗ 𝑧𝑖 𝑧𝑗 ∗ 𝜆𝐵 can
incorporate many ions, but “ion pair” mostly pertain to two ions that come together to form a new
aqueous species. This difference was emphasized by Fuoss (Fuoss 1958), who proposed that two
ions either contact with each other form ion pairs, or they diffuse away from each other and become
free ions.
The Fuoss association constant is presented as the following,
20

𝐾𝑎𝑠𝑠𝑜𝑐

4𝜋 3
−𝑍𝑀 𝑍𝑋 𝑒 2
=
𝑎 ∗ 1000𝑁𝐴𝑉 ∗ exp (
)
3
4𝜋𝜀0 𝜀𝑟 𝑘𝑇𝑎

(1.21)

Where 𝑎 is the closest distance from cation center to anion center of an ion-pair. The Fuoss
association theory views water simply as a dielectric continuum and no ion-solvent is considered,
he argues that during ion pair formation, three degrees of translational freedom is lost while two
6

degrees of rotational freedom is gained, such that the entropy change per pair is 𝑘𝑙𝑛(5), therefore,
he considered that the entropy change of ion pair formation is close to zero[Fuoss 1958]. However,
such an argument is problematic in solvents with structure, such as water, because water lost its
structure in the vicinity of ions (structure collapse), and would regain structure to some degree if
ion pair forms, which leads to entropy decrease. Fuoss later also discussed about impact of the
change due to short-range (ion-solvent, ion-ion, or solvent-solvent) interactions during ion pair
formation [Fuoss, 1986]. Enthalpy change of ion pair formation might be more positive because
some water molecules between the two ions need to be excluded (dehydration). The combined
effect of increased enthalpy and decreased entropy would lead to lower 𝐾𝑎𝑠𝑠𝑜𝑐 than predicted by
the Fuoss equation, especially in a structured solvent like water.
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Figure 1.3 Change of Bjerrum length with temperature at PSAT

1.2.2 Ion-pair and ion association constant Ka (Kd)
For an anhydrite dissolution process,
𝐶𝑎𝑆𝑂4 (𝑐) ↔ 𝐶𝑎2+ (𝑎𝑞) + 𝑆𝑂42− (𝑎𝑞)

(1.22)

In this process, the formation of ion-pair 𝐶𝑎𝑆𝑂40 is also well known,
𝐶𝑎𝑆𝑂40 (𝑎𝑞) → 𝐶𝑎2+ (𝑎𝑞) + 𝑆𝑂42− (𝑎𝑞)

(1.23)

2
𝐾𝑠𝑝 (𝐶𝑎𝑆𝑂4) = 𝑎𝐶𝑎2+ ∗ 𝑎𝑆𝑂42− = 𝑚𝑡,𝐶𝑎2+ ∗ 𝑚𝑡,𝑆𝑂42− ∗ 𝛾±,𝐶𝑎𝑆𝑂4

(1.24)
= 𝑚𝑡,𝐶𝑎2+ ∗ 𝑚𝑡,𝑆𝑂42− ∗ 𝛾𝐶𝑎2+ ∗ 𝛾𝑆𝑂42−
2
Here 𝑚𝑡,𝐶𝑎2+ means the total molality of calcium in solution, and so to 𝑚𝑡,𝑆𝑂42− . 𝛾±,𝐶𝑎𝑆𝑂4

is the stoichiometric activity coefficient of CaSO4, and so to 𝛾𝐶𝑎2+ and 𝛾𝑆𝑂42− .
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The disassociation constant of Ca-SO4 ion pair is defined as,

𝐾𝑑 (𝐶𝑎𝑆𝑂40 ) =

𝑎𝐶𝑎2+ ∗ 𝑎𝑆𝑂42−
𝑎𝐶𝑎𝑆𝑂40

=

𝑚𝐶𝑎2+ ∗ 𝑚𝑆𝑂42−
𝑚𝐶𝑎𝑆𝑂40

∗

𝛾𝐶𝑎2+ ∗ 𝛾𝑆𝑂42−
𝛾𝐶𝑎𝑆𝑂40

(1.25)

It must be noted that the literature reported 𝐾𝑑 (𝐶𝑎𝑆𝑂40 ) value depends on the assumption
that 𝐶𝑎𝑆𝑂40 is the part that deviates from limiting law or the Onsager equation. The nature of ionpair remains a puzzle, though recently techniques of Raman spectroscopy, solvent dielectric
relaxation, or ultrasonic relaxation shed a light on the structure of ion-pair. Differentiated by the
number of hydration layers between cation and anions, the ion pair was subdivided into three
categories, single solvent ion-pair (SSIP), double solvent ion pair (2SIP) and contact ion pairs (CIP,
no solvent). Using solvent dielectric relaxation on Na2SO4 solution, R Buchner, S. G. Capewell,
G. Hefter and P. M. May (1998) showed that CIP could not be detected, 2SIP existed in highly
dilute solution and decreased rapidly with ionic strength, SSIP increase with ionic strength first
but then decrease. The overall ion-pair concentration increases to a maximum at [Na2SO4] = 0.3
m and then decreases.
1.2.3 Ion solvent interaction and ionic hydration
In an ionic solution, water does not only serve as a continuum medium with a high
dielectric constant that dampens the electrostatic force between ions, water molecules also strongly
bond to ions, especially around a cation. In the Debye-Hückel theory, the 𝑎 parameter, distance of
closest approach from the central ion, is not the crystal radius of certain ion but is close to the
radius of the hydrated ion. Due to hydration around cations, water molecules lose some degree of
its translational and rotational freedom, which might result in negative entropy change, however,
23

the formation of hydration layer around cations would also disrupt the hydrogen bond network,
which results in entropy increase. The standard partial molar entropy of ions is the interplay
between these two effects.
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Figure 1.4 The standard partial molar heat capacity of NaCl solution is negative and shows a
slight increase below 75°C and a rapid decrease above 100°C

Figure 1.4 is plotted the partial molar heat capacity of infinite dilute NaCl solution, both
from theoretic prediction and calorimetric data extrapolation [Pitzer, 1984; Djamali, 2009], the
results agree with each other very well. Noticeable first is that all Cp0 are negative, introduce Na+
ion and Cl- ion into a solution causes system entropy and water activity to decrease, second is that
a sharp decrease of Cp0 was observed above 100oC.
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J.W Cobble and R.C. Murray measured the heat capacity of a dilute solution of NaCl and
BaCl2 (<5×10-5m), and found that the apparent partial molar heat capacity of the solute slightly
increases with temperature at low temperature, but then decrease to an increasing degree to a large
negative value with temperature above 100°C. They postulate that the initial slow increase is due
to the collapse of solvent structure (rupture of H-bond) below 100°C, while the rapid decrease at
high temperature is due to the ion hydration, which becomes more significant because of low
dielectric constant [Cobble and Murray, 1981].
The colligative properties of electrolyte solution are also closely related to hydration, these
include the depression of freezing point, depression of vapor pressure, elevation of boiling point
and osmotic pressure. Generally, these relationships only hold in dilute solution of single solute.
However, A.A. Zavitsas shows that these relationships may still exist in highly concentrated
solution of alkali halide and alkali earth halide solution, if only the solute concentration is
calculated on the “free water” basis instead of the stoichiometric water basis, by the following
equation [A.A. Zavitsas, 2001],

𝑥=

𝑀𝑀𝑋
𝑀𝑊 + 𝑀𝑀𝑋 − ℎ ∗ 𝑀𝑀𝑋

(1.26)

Here 𝑥 is the molar ratio of solute particles, ℎ is the average number of bonded water
molecules to one molecule of solute MX. By measuring the colligative properties with 𝑥, the
hydration number can be determined. ℎ value of CaCl2 solution determined at different
temperatures suggests that hydration number of Ca2+ decreases almost linearly with temperature.
These results can be interpreted as that the higher kinetic energy of water molecules also tends to
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rupture the bonding between the hydrated water molecules and the central ion [A.A. Zavitsas,
2005].

1.2.4 Gibbs free energy change due to hydration: Born equation
The Born equation qualitatively describes the molar Gibbs free energy change of hydration
of an ion due to electrostatic effect,

∆𝐺

𝑒𝑙

𝑁𝐴 𝑒 2
1
= −
(1 − )
4𝜋𝜀0 𝑟
𝐷

(1.27)

Where r is the radius of the hard-sphere ion.
For 1:1 salt MX, the molar Gibbs free energy change of hydration is,
𝑁 𝑒2

1

1

𝑀

𝑋

1

1

𝐴
∆𝐺 𝑒𝑙 = − 4𝜋𝜀
(𝑟 + 𝑟 ) (1 − 𝐷) = −𝐾 ∗ (1 − 𝐷)
0

where 𝐾 =

𝑁𝐴 𝑒 2
4𝜋𝜀0

1

1

𝑀

𝑋

(1.28)

(𝑟 + 𝑟 )

Since ∆𝐻 = −𝑇 2 (

𝜕(

∆𝐺
)
𝑇

𝜕𝑇

)
𝑃

, ∆𝐶𝑃 = (

𝜕(∆𝐻)
𝜕𝑇

𝜕∆𝐺

)𝑃 , and ∆𝑉 = ( 𝜕𝑃 ) 𝑇 ,

Molar enthalpy change, molar heat capacity, and molar volume change due to hydration,
according to the Born equation, is,

∆𝐻 𝑒𝑙 = −𝐾 ∗ (1 −
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1 𝑇 𝜕𝐷
−
)
𝑇 𝐷2 𝜕𝑇

(1.29)

∆𝐶𝑃

𝑒𝑙

1
1 𝜕𝐷 𝑇 𝜕 2 𝐷
= −𝐾 ∗ ( 2 − 2
−
)
𝑇
𝐷 𝜕𝑇 𝐷2 𝜕𝑇 2
∆𝑉 𝑒𝑙 = −𝐾 ∗ (

𝜕𝐷

1 𝜕𝐷
)
𝐷2 𝜕𝑃

(1.30)

(1.31)

𝜕𝐷

As ( 𝜕𝑇 )𝑃 approach negative infinite and (𝜕𝑃 ) 𝑇 would approach positive infinite near (and
below) the supercritical point of water, the Born equation predicts that ∆𝐻 𝑒𝑙 , ∆𝐶𝑃 𝑒𝑙 and ∆𝑉 𝑒𝑙
would become negative infinite when T approach Tc (The critical point temperature of water).
Surprisingly, measurement of standard partial molar enthalpy, standard partial molar heat capacity
and standard partial molar volume all shows that the Born equation is qualitatively correct (Gates,
Wood & Quist, 1982).
1.2.5 Ion solvent interaction: localized hydrolysis
Some anions that are strong proton acceptors, such as OH-, F-, HCOO-, CH3COO-, will
incorporate itself into the H bond network and enhance the water structure. An interesting fact is
that for alkali metal hydroxides, mean activity coefficient of the same concentration increases with
the order LiOH < NaOH <KOH < CsOH, an order opposite to alkali metal halides, LiCl > NaCl
>KCl > CsCl. According to Stokes and Robinson (Stokes & Robinson, 1959), water molecules
around a highly hydrated Li+ ion will orient their O atom strongly towards the Li+ ion while the H
atom is repulsed away, this H atom thus becomes protonated and the anion OH- forms hydrogen
bonding with it. A structure of Li+~OH-H···OH- emerges, the process is similar to the hydrolysis
of Li+ ion, which is termed “localized hydrolysis”. This structure becomes part of H-bond network,
where Li+ behaves like H+, such that the activity coefficient of LiOH is low because of loss of
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freedom of Li+ ion. For NaOH, the “localized hydrolysis” effect is less significant than LiOH,
which results in higher mean activity coefficient (γ ±NaOH > γ ±LiOH).
1.2.6 Effect of pressure
Apply higher pressure to a bulk of water would “confine” the system and tends to decrease
its density. It is well known that pressure will melt ice (ordered crystal structure similar to
hydrogen bond), applying pressure to water would disrupt the hydrogen bond network. The
viscosity of nanometer-thin water films between two closely spaced mica surfaces was measured
by surface-force balance (SFB), the viscosity increases when surface approach each other to a few
water layers (0.4 nm, about 2 water layers). While water remains its fluidity at this condition, nonassociative organic solvents will form solid-like structure and its viscosity will increase to infinite
[Raviv, Laurat & Klein, 2001]. Viscosity measurement of 0.08 M NaCl solution with the same
setup shows a similar behavior that the fluidity remains at close distance, the authors explain that
while the hydrated ions should be strictly bounded to surface because of confinement, water
molecules bounded to the ions still can exchange with each other, therefore retain its fluidity [Uri
Raviv & Jacob Klein, 2002].

1.3 The Robinson and Stokes equation, hydration impact to activity coefficient
Robinson and Stokes equation (R-S equation) is a combination of D-H equation and the
hydration effect to explain the activity of electrolytes in concentrated solution of single solute, up
to ionic strength of 4m [Robinson and Stokes, 1948]. The equation has many variations, one of its
form is presented as,
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𝑙𝑛𝛾𝑀𝑋 =

−|𝑍+ 𝑍− |𝐴𝛾 √𝐼
𝐺 𝐸𝑚
𝑛
=
− ln(𝑎𝑤 ) − ln [1 − 0.018(𝑛 − 𝜐)𝑚]
𝑅𝑇
1 + 𝐵 ∗ å ∗ √𝐼 𝜐

(1.32)

The equation is simple with only two adjustable parameters 𝑛 and å, where 𝑛 is the average
number of water molecules binding to 1 mole of solute, 𝜐 is the total mole of ions given by 1 mole
of solute MX, å is the distance of closest approach of certain ion. In the equation the first term on
the right is the “D-H term”, the second term is the “solvent term”, which account for the Gibbs
free energy loss of the solvent because a portion of water is strongly bonded due to hydration, and
the third term is the “scale term”, which describes the change of “true” molality of solute and the
“true” activity coefficient also because of bonded water. The Robinson and Stokes equation is
derived from D-H equation with the “hydration correction”, that the “true” thermodynamic
properties of any ion in aqueous solution in water is the “hydrated ion” instead of the “free ion”.
Two important conclusions from R-S equation can be drawn. First, for a single solute
solution, since the first term (D-H term) decrease with molality and then level off, while the second
and third term both increase with molality, 𝛾𝑀𝑋 would first decrease to a minimum and then
increase with molality, which gives a typical “✓” shape of activity coefficient-molality curve.
Second, electrolytes with higher hydration ability (higher n) will have higher activity coefficient
at the same ionic strength and temperature/pressure, such that activity coefficients of alkali metal
chlorides will behave with the following order, HCl > LiCl > NaCl > KCl > CsCl, and similarly
to alkaline earth chlorides, MgCl2 > CaCl2 > SrCl2 > BaCl2, the equation will also predict that such
difference will increase with the increase of solute molality.
R-S equation suffers from the assumption that the hydration number n does not change
with solute molality up to the point when about a quarter of solvent molecules is bonded with
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solute (roughly 4m NaCl). Experimentally, the hydration number 𝑛 decreases with ionic strength
based on comprehensive compressibility data of 23 electrolyte solutions at 25°C, h decreases by
about 1 when molality increases from infinite dilution to 4 m [Y. Marcus, 2014]. The n value
change however does not change the previous qualitative conclusion from R-S equation.
An example relevant to brine chemistry would be solubility of sparingly soluble salt (all
the scale minerals) in concentrated NaCl solution. Figure 5 is plotted experimental solubility
change of CaSO4 (anhydrite) with molality of NaCl, at different temperatures. A feature at 100°C
is that the solubility increase (γMX decrease) to a maximum at about [NaCl] = 3m, this increase is
due to increase of ionic strength, however further increase of [NaCl] leads to solubility decrease
(γMX increase), this could be well explained by the hydration impact described in R-S equation. At
the same temperature, The “D-H” term in R-S equation will increase to a decreasing degree with
𝑛

ionic strength, the “hydration term” − 𝜐 ln(𝑎𝑤 ) and the “scale term” −ln [1 − 0.018(𝑛 − 𝜐)𝑚]
will both increase with ionic strength, the net effect is that there would be solubility of maxima.
At 150°C, the maximum occurs at a much higher concentration than at 100°C, mainly because the
“D-H term” decreases with temperature significantly, while the second and third term is not so
sensitive to temperature change. At 200°C, the “D-H” term dominates and there exists no solubility
maximum (γMX minimum). The conclusion is that the solubility change (or activity coefficient of
ions) is an interplay between “ionic strength (or ion screening)” effect and “ionic hydration” effect.
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Figure 1.4 Solubility of Anhydrite (CaSO4) in NaCl solution at vapor pressure, unfilled data are
from Freyer & Voigt 2004, filled data are from Blount & Dickson 1969. The two independent data
are consistent to each other.

Hydration and dehydration of ions are considered as the rate-limiting step in crystal growth
and dissolution, AFM examination of BaSO4 crystal growth at the same supersaturation level and
ionic strength shows that the rate of barite crystal growth changes with the type of background
electrolyte with the following order, NaF > KCl > NaCl > LiCl > NaNO3 > CsCl, strong hydration
ability of background ions tends to enhance the inclusion rate of Ba2+ ion into crystal lattice
[Kovacs & Putnis, 2008]. This could also be explained by the R-S equation because the “true”
concentration of Ba2+ and SO42- is higher than its stoichiometric concentration because of
hydration of background electrolytes, and the electrolyte that has higher hydration capacity will
enhance such impact.
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1.4 Pitzer’s equation to predict properties of concentrated solution
1.4.1 The Pitzer’s specific ion-ion interaction model
Perhaps the most influential model to predict the thermodynamic properties of electrolytes
at concentrated and mixed electrolytes is the Pitzer’s equation. Since Pitzer’s original publication
in 1973, Pitzer and his coworkers, together with other researchers, have parameterized most of the
electrolyte solution of the 1-1, 2-1, 1-2 solutes at high ionic strength and temperature. For the
convenience of future discussion, Pitzer’s equation is briefly presented below.
The Excess Gibbs free energy of an aqueous system is defined as the difference between
the actual Gibbs free energy and the Gibbs free energy of an ideal solution, for example, for a
binary solution 𝑀𝜈1 𝑋𝜈2 − 𝐻2 𝑂 of 𝑚 mol/kg H2O,
0
0
𝐺 𝐸𝑋 = 𝐺 − 𝑛1 𝐺𝑚,1
− 𝑛2 𝐺𝑚,2
− 𝑅𝑇𝑛2 (𝜈1 + 𝜈2 )(1 − ln 𝑚)

(1.33)

0
Here 𝑛1 and 𝑛2 are number of moles of solvent and solute, respectively. 𝐺𝑚,1
is the
0
standard molar Gibbs free energy of pure water, 𝐺𝑚,2
is the standard molar Gibbs free energy of a

hypothetical 1 mol/kg H2O ideal solution. The fourth term on the right (without negative sign) is
the Gibbs free energy change due to ideal mixing.
The Pitzer’s equation originates from the assumption that the excess Gibbs free energy is
a linear combination of electrolyte interaction and the numerous kinds of short-range interaction
among ions. Only the binary and the tertiary ion-ion interaction are considered practically
necessary,
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𝐺 𝐸𝑚
1
1
= 𝑤𝑤 𝑓(𝐼) +
∑ 𝜆𝑖,𝑗 (𝐼) 𝑛𝑖 𝑛𝑗 + 2 ∑ 𝜇𝑖,𝑗,𝑘 𝑛𝑖 𝑛𝑗 𝑛𝑘
𝑅𝑇
𝑤𝑤
𝑤𝑤
𝑖,𝑗

(1.34)

𝑖,𝑗,𝑘

Here the first term on the right is the D-H term, the second term pertains to binary ion-ion
interaction, while the third term relates to tertiary ion-ion interaction.
The above equation is equivalent to the equation below, which relates to ion-ion interaction
parameters that can be experimentally characterized,
𝐺 𝐸𝑚
= 𝑓(𝐼) + 2 [∑ ∑ 𝑚𝑐 𝑚𝑎 𝐵𝑐𝑎 + ∑ ∑ 𝑚𝑐 𝑚𝑐′ 𝛷𝑐𝑐′
𝑤𝑤 𝑅𝑇
𝑐

𝑎

𝑐>

𝑐′

+ ∑ ∑ 𝑚𝑎 𝑚𝑎′ 𝛷𝑎𝑎′ ]
𝑎> 𝑎′

(1.35)
+ [2 ∑ ∑ 𝑚𝑐 𝑚𝑎 ∑( 𝑚𝑐 𝑧𝑐 ) 𝐶𝑐𝑎
𝑐

𝑎

𝑐

+ ∑ ∑ ∑ 𝑚𝑐 𝑚𝑐′ 𝑛𝑎 𝛹𝑐𝑐 ′ 𝑎 + ∑ ∑ ∑ 𝑚𝑐 𝑚𝑎 𝑚𝑎′ 𝛹𝑐𝑎𝑎′ ]
𝑐>

𝑐′

𝑎

𝑎> 𝑎′

𝑐

where

𝑓=−

4𝐼𝐴𝛷
ln(1 + 𝑏𝐼 0.5 )
𝑏

𝐵𝑐𝑎 = 𝜆𝑐,𝑎 +

𝐶𝑐𝑎 =
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𝜈𝑐
𝜈𝑎
𝜆𝑐,𝑐 + 𝜆𝑎,𝑎
𝜈𝑎
𝜈𝑐

𝜇𝑐,𝑐,𝑎 𝜇𝑐,𝑎,𝑎
+
𝑧𝑐
𝑧𝑎

𝛷𝑎𝑎′ = 𝜆𝑎,𝑎′ − 2

𝛹𝑐𝑎𝑎′ = 6𝜇𝑐,𝑎,𝑎′ − 3

𝛷𝑐𝑐′ = 𝜆𝑐,𝑐′ − 2

𝑧𝑎′
𝑧𝑎
𝜆𝑎,𝑎 − 2
𝜆
𝑧𝑎
𝑧𝑎′ 𝑎′,𝑎′
𝑎𝑧′ 𝑎
𝑧𝑎
𝜇𝑐,𝑎,𝑎 − 3
𝜇
𝑧𝑎
𝑧𝑎′ 𝑐,𝑎′,𝑎′
𝑧𝑐′
𝑧𝑐
𝜆𝑐,𝑐 − 2 𝜆𝑐′,𝑐′
𝑧𝑐
𝑧𝑐′

𝛹𝑐𝑐′𝑎 = 6𝜇𝑐,𝑐′,𝑎 − 3

𝑧𝑐′
𝑧𝑐
𝜇𝑐,𝑐,𝑎 − 3 𝜇𝑐′𝑐′𝑎
𝑧𝑐
𝑧𝑐′

Here, 𝐵𝑐𝑎 is the binary ion-ion interaction parameter of unlike charged ions, 𝛷𝑐𝑐′ and
𝛷𝑎𝑎′ are the terms related with unsymmetrical mixing of unlike charged cations or anions (such as
𝛷𝐶𝑎−𝑁𝑎 or as 𝛷𝐶𝑙−𝑆𝑂4), respectively. 𝐶𝑐𝑎 is the triple ion interaction parameter between two unlikecharged ions. 𝛹𝑐𝑎𝑎′ and 𝛹𝑐𝑐′𝑎 is the triple ion interaction parameter between cation-anion-anion
and cation-cation-anion, respectively.
Differentiate 𝐺 𝐸𝑚 to molality gives the molality-based activity coefficient of cation, anion
and mean stoichiometric activity coefficient, respectively,
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𝐺 𝐸𝑚
𝜕( 𝑅𝑇 )
𝑙𝑛𝛾𝑋 = (
)
𝜕𝑛𝑋 𝑃,𝑇, 𝑤𝑤 𝑛𝑗≠𝑋
= 𝑧𝑋2 𝐹 + ∑ 𝑚𝑐 ( 2𝐵𝑐𝑋 + 𝑍 𝐶𝑐𝑋 )
𝑐

(1.36)
+ ∑ 𝑚𝑎 ( 2𝛷𝑋𝑎 + ∑ 𝑚𝑐 𝛹𝑐𝑋𝑎 )
𝑎

𝑐

+ ∑ ∑ 𝑚𝑐 𝑚𝑐′ 𝛹𝑐𝑐 ′ 𝑋 + 𝑧𝑋 ∑ ∑ 𝑚𝑐 𝑚𝑎 𝐶𝑐𝑎
𝑐>

𝑐′

𝑐

𝑎

Since(1/𝑧𝑀 + 1/𝑧𝑋 )𝑙𝑛𝛶𝑀𝑋 = (1/𝑧𝑀 )𝑙𝑛𝛾𝑀 + (1/𝑧𝑋 )𝑙𝑛𝛾𝑋 ,

𝑙𝑛𝛶𝑀𝑋 = 𝑧𝑀 𝑧𝑋 𝐹 +

𝑧𝑋
𝑧𝑀
∑ 𝑚𝑎 ( 2𝐵𝑀𝑎 + 𝑍 𝐶𝑀𝑎 + 2
𝛷 )
𝑧𝑀 + 𝑧𝑋
𝑧𝑋 𝑋𝑎
𝑎

+

𝑧𝑀
𝑧𝑋
∑ 𝑚𝑐 ( 2𝐵𝑐𝑋 + 𝑍 𝐶𝑐𝑋 + 2
𝛷 )
𝑧𝑀 + 𝑧𝑋
𝑧𝑀 𝑀𝑐
𝑐

1
+ ∑ ∑ 𝑚𝑐 𝑚𝑎
(2𝑧𝑀 𝑧𝑋 𝐶𝑐𝑎 + 𝑧𝑋 𝛹𝑀𝑐𝑎 + 𝑧𝑀 𝛹𝑐𝑋𝑎 )
𝑧𝑀 + 𝑧𝑋
𝑐

+

𝑎

𝑧𝑋
𝑧𝑀
∑ ∑ 𝑚𝑎 𝑚𝑎′ 𝛹𝑀𝑎𝑎′ +
∑ ∑ 𝑚𝑐 𝑚𝑐′ 𝛹𝑐𝑐 ′ 𝑋
𝑧𝑀 + 𝑧𝑋
𝑧𝑀 + 𝑧𝑋
𝑎> 𝑎′

𝑐>

𝑐′

Here,
𝐹 = 𝑓 𝛾 + ∑ ∑ 𝑚𝑐 𝑚𝑎 𝐵′(𝐼)𝑐𝑎 + ∑ ∑ 𝑚𝑎 𝑚𝑎′ 𝛷′(𝐼)𝑎𝑎′ + ∑ ∑ 𝑚𝑐 𝑚𝑐′ 𝛷′(𝐼)𝑐𝑐′
𝑐

𝑎

𝑎> 𝑎′

𝑐>

𝑍 = ∑ 𝑚𝑖 𝑧𝑖
𝑖

𝑓 𝛾 = −𝐴𝜙 ∗ (
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√𝐼
1 + 1.2√𝐼

+

2
ln(1 + 1.2√𝐼))
1.2

𝑐′

(1.37)

1.4.2 B term in Pitzer’s equation
The modeling accuracy of Pitzer’s model is highly sensitive to the accuracy of B term
parameter compared to other parameters mentioned above. At certain T and P, B term depends on
the ionic strength of the solution,
(0)

(1)

(2)

𝐵𝑀𝑋 = 𝛽𝑀𝑋 + 𝛽𝑀𝑋 𝑔(𝛼1 𝐼 0.5 ) + 𝛽𝑀𝑋 𝑔(𝛼2 𝐼 0.5 )

(1.38)

Where,

𝑔(𝑥) =

(0)

2[1 − (1 + 𝑥) exp(−𝑥)]
𝑥2

(1)

Here, 𝛽𝑀𝑋 is a constant, 𝛽𝑀𝑋 is the ionic strength dependence for 1-1 salts and 1-2 or 2-1
(2)

salts that don’t show a high degree of association, for these salts 𝛽𝑀𝑋 =0 and 𝛼1 is generally
assigned to be 2.0. The choice of 𝛼1 value is arbitrary, Holmes (1994) found that slight temperature
dependence of 𝛼1 gives a better fit for the overall fit of volumetric and calorimetric properties of
aqueous CaCl2 solution.
𝛼1 = 2 − 0.00181(𝑇 − 298.15)
For 2-2 ions or 1-2 or 2-1 ions (such as Na-SO4) that exhibit a significant degree of
(2)

association, an extra 𝛽𝑀𝑋 term is added, 𝛼1 = 1.4 and 𝛼2 = 12.
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1.4.3 Temperature dependence of α2 value in the Pitzer B term
K. S. Pitzer (1974) stated that in a highly diluted solution if 𝛼2 = 32𝐴𝜙 , a relationship of
(2)

𝛽𝑀𝑋 = −

𝐾𝑎
2

exists, here 𝐾𝑎 is the association constant. However, no explicit derivation of this

relationship was given in his paper. Take 𝐴𝜙 =0.391 kg1/2mol-1/2 at 25°C, 𝛼2 =12.51, this probably
validates the arbitrary choice of 𝛼2 = 12 at low temperature. 𝐴𝜙 will increase to 0.6228 kg1/2mol1/2

(2)

at 200°C, whether 𝛼2 = 12 is still viable at high temperature to support 𝛽𝑀𝑋 = −

𝐾𝑎
2

needs

careful examination.
Phutela and Pitzer (1985) discussed the possibility of assign 𝛼2 = 𝑘 ∗ 𝐴𝜙 when studying
the thermodynamics of properties of MgSO4. They concluded that when m(MgSO4)>0.1m, a
(2)

contribution from 𝛽𝑀𝑔−𝑆𝑂4 term to 𝑙𝑛𝛾± converge to 𝛽
dependence of 𝛼2 can be transferred into 𝛽

(2)

(2)

/2𝛼2 2 , such that the temperature

temperature dependence, so to simplify the equation,

a constant value of 𝛼2 = 12 was still applicable. However, for a few data of m(MgSO4)<0.1m,
they use separate relationship of 𝛼2 = 𝑘 ∗ 𝐴𝜙 .
The 𝛼2 temperature dependence was also emphasized by (D.G. Archer and J.A. Rard,
1998), and a relationship of 𝛼2 = 30.65 ∗ 𝐴𝜙 was used.
The salt CaSO4 differs greatly from MgSO4 by its low solubility, the heat capacity of the
MgSO4 solution can be measured with accuracy to the limit of about 0.05m, the same is to density
and osmotic coefficient, these important data for CaSO4 is unavailable, and parameterization relies
largely on solubility data. The solubility of both gypsum and anhydrite is below 0.015m from 25°C
and 250°C in pure water, in these dilute solution the 𝛽
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(2)

term contribution to 𝑙𝑛𝛾± dominates over

𝛽

(0)

and 𝛽

(1)

term, According to Phutela and Pitzer (1985), it seems temperature dependence of

𝛼2 needs to be addressed.
For a dilute solution of CaSO4, the Pitzer’s equation relates to the stoichiometric activity
coefficient by (Pitzer 1974),
𝛾

𝛾

ln 𝛾± = 4𝑓 𝛾 + 𝑚𝐵𝑀𝑋 + 𝑚2 𝐶𝑀𝑋

(1.39)

MX means Ca-SO4, for simplicity this subscript is omitted. In the equation,

𝑓 𝛾 = −𝐴𝜙 ∗ (

√𝐼
1 + 1.2√𝐼

+

2
ln(1 + 1.2√𝐼)
1.2

𝐵 𝛾 = 2𝛽 (0) + 𝛽 (1) (2 ∗ 𝑔(1.4√𝐼) + 𝑒 −1.4√𝐼 ) + 𝛽 (2) (2 ∗ 𝑔(𝛼2 √𝐼) + 𝑒 −𝛼2 √𝐼 )
3
𝐶𝛾 = 𝐶𝜙
2
𝛾

In solution with m<0.01m, the contribution of 𝑚2 𝐶𝑀𝑋 is negligible, also the 𝛽 (0) term and
𝛽 (1) term would be small comparing to 𝛽 2 term. So a constant value of 𝛽 (0) = 0.20, 𝛽1 =
2.65, 𝐶 𝜙 = 0 was assigned to the equation. Combined all the above equations, ln 𝛾± is only a
function of m, 𝛽 (2) and 𝛼2 , simplified to,
ln 𝛾± = 𝑓(𝑚, 𝛼2 , 𝛽 (2) )
The association constant is defined as,
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K

0
a (𝐶𝑎𝑆𝑂4 )

=

𝑝
𝑚(1 − 𝑝)

2

∗

𝛾𝐶𝑎𝑆𝑂0
4

∗

𝛾𝐶𝑎2+ ∗ 𝛾𝑆𝑂2− ∗

(1.40)

4

Where 𝑝 is the portion of associated 𝐶𝑎𝑆𝑂40 to the total solubility,
For a highly dilute solution 𝛾𝐶𝑎𝑆𝑂40 = 1 is a reasonable assumption, the true ionic activity
coefficient can then be derived from the below equation,
√𝐼(1 − 𝑝)

∗

𝑙𝑛𝛾± ∗ = 𝑙𝑛𝛾𝐶𝑎2+ = 𝑙𝑛𝛾𝑆𝑂42− ∗ = −4𝐴𝜙 ∗ (

1 + 1.2√𝐼(1 − 𝑝)

+

2
ln(1 + 1.2√𝐼(1 − 𝑝)))
1.2

The term on the right is the Debye-Hückel term, one can show that it is almost equivalent
mathematically to the classic Debye-Hückel equation when m<0.01 m.
𝑙𝑛𝛾± ∗ is thus only a function of m and p,
𝑙𝑛𝛾± ∗ = 𝑔(𝑚, 𝑝)
The stoichiometric mean activity coefficient 𝛾± relates to the “true” ionic activity
coefficient 𝛾± ∗ by the relationship,
𝛾± = 𝛾± ∗ (1 − 𝑝)
Combine the above equations,
𝑓(𝑚, 𝛼2 , 𝛽 (2) ) = 𝑔(𝑚, 𝑝) ∗ (1 − 𝑝)
A direct analytical solution to the relation between 𝐾𝑎 and 𝛽 (2) seems unpromising, but it
can be solved numerically. Take an initial value of Ka from SUPCRT.92 from temperature of 25°C
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to 225°C at vapor pressure, for a given 𝑚 value at a certain temperature, 𝑝 can be calculated.
assume either 𝛼2 =12 or 𝛼2 = 32𝐴𝜙 , 𝛽 (2) value can be solved iteratively.

The calculated ratio of

𝐾𝑎
𝛽 (2)

with m(CaSO4) at different temperatures is plotted in figure
𝐾

𝑎
1.5. It can be derived that when m(CaSO4) <0.01m, the 𝛽(2)
= −2 relationship roughly hold only

𝐾

𝑎
when 𝛼2 = 32𝐴𝜙 , but will deteriorate when 𝛼2 = 12. It is therefore concluded that if the 𝛽(2)
=

−2 relationship needs validation then 𝛼2 must have a temperature dependence. 𝛼2 = 32𝐴𝜙 is
considered necessary based on the current analysis. Assign 𝛼2 = 32𝐴𝜙 might cause inconsistency
problems when combining parameters from differents models [Rowland et.al. 2015], but it is
important to note that this relationship is derived theoretically and was first proposed by Pitzer
himself (Pitzer 1974). The choice of 𝛽 (2) = 12 only validates itself when T<100°C, while it is
only at higher temperature that significant degree of association happens and 𝛽 (2) term will
contribute significantly to the BMX parameter.
Therefore, in the modeling process described in the Chapter 3, we will assign 𝛼2 = 32𝐴𝜙
instead of the widely used value of 12, this means 𝛼2 is temperature and pressure dependent.
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Figure 1.5 Ratio of the association constant Ka to 𝜷(𝟐) , assume either 𝜶𝟐 = 𝟑𝟐𝑨𝝓 or 𝜶𝟐 = 𝟏𝟐

1.5 Helgeson-Kirkman-Flowers Theory
1.5.1 Equation of state in the Helgeson-Kirkham-Flowers theory
The Helgeson-Kirkham-Flowers model predicts standard thermodynamic properties of the
solution at high pressure and temperature, the model is widely applied when discussing activity
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product constants (Ksp) of minerals. If volumetric data (for example, apparent molar volume) was
used in the model to fit Φ𝑉 0 , using the Redlich and Meyer equation (Helgeson & Kirkham 1976),

∅

𝑉𝑀𝑋 = Φ𝑉 0 +

𝜈 ∗ |𝑍𝑀 𝑍𝑋 |
𝐴𝑉 ∗ √𝐼 + 𝑏𝑉′ (𝐼) ∗ 𝑚
2

(1.26)

The equation has a simple structure comparing the pertinent equation in the Pitzer model.
Helgeson noted that this equation was inadequate to fit data of 1-2 and 2-1 salts at high temperature,
in these conditions, the modified equations are,

(1.27)

Here,
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Since most data (density, compressibility, and expansibility) only cover high temperature
at low pressure, or high pressure at low temperature, Helgeson (Helgeson and Kirkham 1976;
Helgeson, Kirkham and Flowers, 1981; Tanger and Helgeson 1988; Shock 1989; Sverjensky 1992)
also proposed the following equation to predict the Φ𝑉 0 =f(P, T) at high temperature and pressure,

Where ̅̅̅̅̅
∆𝑉 0 𝑠 is the standard molar volume change are standard molar volume change due
to hydration, ̅̅̅̅̅
∆𝑉 0 𝑠 is characterized by the Born equation,

(1.28)

̅̅̅̅̅
∆𝑉 0 𝑛 is standard molar volume change due to “intrinsic” volume of ion and solvent
structure (hydrogen bond, for example) collapse when an ion is introduced into solution, which
theoretically cannot be characterized and has to appeal for empirical equation (Helgeson &
Kirkham, 1976),
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(1.29)

Then for the reaction,
𝑀𝑆𝑂4 (𝑐) → 𝑀2+ (𝑎𝑞) + 𝑆𝑂42− (𝑎𝑞)
Since the molar volume of the mineral crystal is known, by the relationship,

One can get the pressure dependence of Ksp at a fixed temperature.
A similar relationship can be established for conventional standard molar heat capacity,

And similarly, from standard molar heat capacity data, one can derive temperature
dependence of Ksp,
𝑇

∆𝐻 0 𝑇𝑟 + ∫𝑇𝑟 ∆𝐶𝑝0 𝑑𝑇
𝜕𝑙𝑛𝐾
)
(
) =(
𝜕𝑇 𝑃
𝑅𝑇 2
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𝑃

With temperature and pressure dependence both known, Ksp(P, T) can be derived
explicitly. In the H-K-F theory and its following revised version, each aqueous species was
characterized by 7 empirical parameters for the T/P dependence of the standard partial molar
properties, a1, a2,a3, a4, c1, c2, w, these quantities are fitted by extensive literature data (till 1992)
and are readily available for ions (Tanger 1988, Shock 1989, Shock 1992), neutral species, ioncomplexes (Sverjensky 1997) and was integrated into the SUPCRT 92 (James, Oelkers and
Helgeson 1992).
1.5.2 The Ksp of common scale minerals from SUPCRT.92
The Ksp of common scale minerals can be readily calculated by the Fortran Program
SUPCRT. 92, which bases on the HKF theory and its databases [Johnson, Oelkers & Helgeson
1992]. Ksp value and its T/P dependence of common scale minerals are plotted below. These
results will only serve as a reference for current research and will be further discussed in chapter
3.
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Figure 1.6(a) Ksp of Barite with temperature and pressure, calculated by SUPCRT.92
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Figure 1.6(b) Ksp of Anhydrite with temperature and pressure, calculated by SUPCRT.92
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Figure 1.6(d) Ksp of Calcite with temperature and pressure, calculated by SUPCRT.92
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1.6 Objective of the present work
The above literature review tries to answer the question, “How high temperature changes
the properties of pure water, ion-solvent interaction, ion-ion interaction, and various
thermodynamic properties of electrolyte solutions”, from a theoretical perspective. While in the
following chapters, the objective of this study is more experimental or practical based, which are,
1) Thermodynamically, to examine the reliability of Ksp values of common scale minerals
at high temperature/pressure in the literature, and to refine the current Pitzer model for the system
Ca-SO4-Na-Cl-H2O, and give the best fit of Ca-SO4 binary ion-ion interaction parameters, based
on experimental solubility measurement of anhydrite at high calcium concentration and at high
temperature.
2) Kinetically, to develop a novel apparatus to study the nucleation of scale minerals at a
temperature above 120°C based on the laser-turbidity method, and apply the new apparatus to
study nucleation of barite and halite and the effect of chemical additives.
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Chapter 2

Solubility of anhydrite in concentrated Na-CaCl-SO4 brine from 120oC to 220oC at vapor
pressure

This chapter is revised based on the published paper: Deng, G., Kan, A. T., Dai, Z., Lu, A. Y.,
Harouaka, K., Zhao, Y., and Tomson, M. B. (2018, June 20). Impact of High Calcium Concentration on Sulfate Scale
Prediction at High Temperature from 120°C to 220°C. Society of Petroleum Engineers.

2.1 Abstract
The solubility of calcium sulfate anhydrite was measured in the CaCl2-NaCl-H2O
background solution (constant ionic strength of 4 m) and CaCl2-H2O background solution from
temperature range 120oC to 220oC at vapor pressure, based on a static autoclave method. In a
system of constant ionic strength of 4 m, the solubility of anhydrite when Ca<0.25m is significantly
higher, while a higher concentration of [Ca] does not change the solubility significantly. In the
CaSO4-CaCl2-H2O system, the solubility increases with Ca concentration when [Ca] < 1 m.
Qualitative analysis of the data shows that the effect of CaCl2 to the solubility of anhydrite falls
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into four aspects: the ionic strength impact, the common ion effect, the Ca-SO4 association, and
the reduced activity of water.

2.2 Introduction
Gypsum, hemihydrate, and anhydrite are the three solid phases of calcium sulfate that can
form in aqueous solution (Fryer 2003). Among them, anhydrite is thermodynamically more stable
above about 42-45oC in pure water, however, transformation from metastable gypsum to anhydrite
is extremely slow, Hardy demonstrated that in pure water 95% gypsum + 5% anhydrite can coexist
without detectable change at 70°C for 359 days, in 1 m Na2SO4 the transformation of 100%
gypsum to 100% anhydrite is facilitated but still takes longer than 46 days [Hardy 1967].
Measurement of anhydrite solubility in pure water has a long history [Hole, Rob and Coleman,
1926; Partridge and White, 1929; Booth and Bidwell, 1950; Dickson, Blount and Tunell 1963;
Innorta, Rabbi and Tomadin 1980], while its solubility in NaCl solution was studied later [Marshall,
Slusher and Jones 1964; Power, Fabuss and Satterfield 1966; Blount and Dickson 1969; Freyer
and Voit 2004]. Among them, Blount and Dickson conducted the only research at high temperature
and high pressure.
The solubility of calcium sulfates in calcium chloride solution had only been studied
recently at a temperature below 90oC (Li and Demopoulos 2005). The importance of these
solubility data lies in understanding the equilibrium properties of calcium sulfates in
hydrometallurgical processes [Azimi and Papangelakis, 2010]. In oil & gas well production
processes, most brine shows a high Ca/SO4 ratio, either because the brine with high [Ca]

50

concentration was mixed with low [SO4] solution after water injection, or because [SO4] was
reduced by sulfate-reducing bacteria.
About 95% of the produced water in USGS database has a Ca concentration less than 0.44m
(Kan, Dai et al. 2015), though extremely high Ca concentration was also reported, e.g., wells in
Tioga & Lycoming countries, Marcellus shale reported produced water with 19, 000 mg/L to 39,
200 mg/L Ca, with TDS range of 200, 000 mg/L to 300, 000 mg/L. Such extremely high Ca
concentrations were attributed to the dolomitization process, that when dolomite is formed by
recrystallization of calcium carbonate in an Mg-rich brine, Ca is replaced by Mg in its lattice
position and is released into the aqueous phase (Rowan, Engle et al. 2015). High Ca and TDS brine
could also originate from deep gas well, where gradual evaporation of water from solution into the
gas phase concentrated the brine [Kleinitz, Ditzsch, and Kohler, 2003].
The initiative of studying high Ca/SO4 brine not only come from practical calcium sulfate
scale problems, but also from its importance in thermodynamic modeling to characterize the
behavior of Ca2+-SO42- ion-ion interaction. Pitzer’s equation model is based on the concept of
“specific ion-ion interaction”, in such a model, the “ion pair association constant” was replaced
with “ion-ion interaction coefficients”. To simplify the discussion, take the equation in SIT
(Specific ion-ion interaction) theory as an example, the mean activity coefficient of CaSO4 in
CaSO4-H2O solution is calculated by,

𝑙𝑜𝑔 (𝛾±𝐶𝑎𝑆𝑂4 ) =

−𝐴 ∗ |𝑍+ 𝑍− |√𝐼
1 + 1.5 ∗ √𝐼

+

1
∗𝜀
∗ (𝑚𝑆𝑂4 + 𝑚𝐶𝑎 )
2 𝐶𝑎−𝑆𝑂4

(2.1)

here, 𝛾±𝐶𝑎𝑆𝑂4 is the mean activity coefficient of CaSO4, A is the Debye-Hückel parameter
for activity coefficient, 𝐼 the ionic strength, mCa, and mSO4 are the molality of Ca2+ and SO42-,
51

respectively. 𝜀𝐶𝑎−𝑆𝑂4 is the ion-ion interaction coefficient between Ca2+ and SO42-, which is the
only empirical parameter that needs to be fitted. It follows that because of the low value of
𝑚𝑆𝑂4 and 𝑚𝐶𝑎 due to low solubility, the second term on the right of the equation is within
experimental error and could be weighed out by the first term (Debye-Hückel term), such that the
fitted 𝜀𝐶𝑎−𝑆𝑂4 has large uncertainty. To give a more accurate estimation of 𝜀𝐶𝑎−𝑆𝑂4, either 𝑚𝑆𝑂4 or
𝑚𝐶𝑎 needs to be increased. However, when SO4/Ca ratio is high, other phases such as Na2Ca(SO4)2
could precipitate [Fryer and Voit 2004]. A better choice is to study the solubility of calcium
sulfates with the presence of high [Ca] concentration.
We studied the solubility of anhydrite at temperature higher than 120oC, to fill the solubility
data gap, as well as improving the thermodynamic modeling in aqueous systems with a high
Ca/SO4 ratio.

2.3 Experimental
2.3.1 Apparatus
Figure 2.1 shows the schematic diagram of our apparatus for anhydrite solubility
measurement. A stainless steel 316 autoclave (volume 500 ml) was placed inside a GC oven
(Figure 2.1, left), the oven can control the temperature within 0.5oC at temperature <150oC, within
1oC at temperature <230oC, and was calibrated by a reference thermometer (NIST certified) with
0.1oC division. The tested solution was contained in a specially designed borosilicate glass bottle
(260 ml, ACE glass), and was placed into the reactor. The inner part of the reactor together with
the cap was coated with a PTFE layer with 0.1-micron thickness to reduce long term corrosion.
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All the tubing exposed to heat was made of HC-276, except the titanium tubing with direct contact
of solution.

Fig 2.1. Schematic diagram of the experimental apparatus (left) and pressure vessel (right)

The solution was stirred by putting a magnetic stirrer under the oven and a stir bar in the
solution. A regular stirrer failed to stir the solution because of weak magnetic coupling, so the
stirrer top plate was removed and two NdFeB magnets were adhered to the original magnets of the
stirrer. This modification is cost-effective and stirring after this modification was verified by a
laser beam test, in this test two extra sight glasses (Encole, NPT ½’’) were installed on both left
and right side of the vessel, and a laser beam penetrated through the sight glasses as well as the
solution inside, a short plastic tubing placed in the solution would periodically interfere with the
laser beam if the stir bar rotates. The rotation rate of the stirrer was measured by a digital photo
tachometer to be about 150 rpm.
After the setup of each experiment, it takes about 2 hours for the oven to heat the solution
to a temperature of about 200°C. This was verified indirectly by a pressure gauge installed along
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the sampling tube. The pressure will increase to its maximum and remained stable during heating,
this pressure equals the saturated vapor pressure and suggests that the solution inside is at the target
temperature.
When sampling, two valves along the sampling tubing were gently opened, then the inner
pressure will push the solution through consecutive filters inside and outside the oven. When inner
pressure was not high enough to push the sample, an Argon gas cylinder was connected to provide
extra pressure (with pressure less than 300 psi). The sample flow was first filtrated by a stainlesssteel in-line filter (0.5 µm or 2 µm, Swagelok) inside the oven, afterward, the filtrate cooled down
outside the oven and was sampled in intervals for analysis. Anhydrite solubility decreases with
temperature, this eliminates the concern of phase change during sampling. The first 5-10 ml of
each sample was discarded while another 4 to 5 ml was used for analysis.
2.3.2 Experimental setup
Ca-Na-Cl-H2O system was selected as background solution because produced water is
mainly Na-Ca-Cl brine, ACS grade calcium chloride dihydrate (Sigma Aldrich 99%) and sodium
chloride (Sigma Aldrich, 99%) was used to prepare the background solution. All solutions
prepared were filtered and stirred for 24 h before use. Table 1 listed two groups of background
solution for solubility study, the first group is CaCl2 only solution with concentration ranged from
0.1-1.33 m, the second group is CaCl2-NaCl solution, but with constant ionic strength of I=4 m.

Table 2.1. Composition of background electrolyte solution in this experiment
System CaSO4-CaCl2-NaClSystem CaSO4-CaCl2-H2O
H2O
NaCl (m)
0.00 0.00 0.00 0.00 0.00 0.00 1.00 1.75 2.50 3.25 4.00
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CaCl2 (m)
Ionic
strength (m)

0.10 0.25 0.50 0.75 1.00 1.33

1.00

0.75

0.50

0.25

0.00

0.30 0.75 1.50 2.25 3.00 4.00

4.00

4.00

4.00

4.00

4.00

Anhydrite power (99% pure, Acros Organics) was used without further purification, the
power under SEM image shows orthorhombic shape with relatively uniform size, length of the
short side was about 0.5 µm, while the long side varied from 2 µm to 4 µm. 2 g such powder was
added into 240 g background solution at room temperature, which was quickly placed into the
autoclave to raise the temperature.
Reaching equilibrium of anhydrite from precipitation of supersaturated solution was found
impossible even with seeding below 70°C, which suggests that gypsum is the precipitated phase
even though anhydrite is thermodynamically stable [Hardy 1967]. In the current setup, anhydrite
is the initial phase in solution and during the heating process the solution would stay at a
temperature below 70°C for at most 30 minutes. There is a risk of precipitating gypsum in this
period because of high anhydrite solubility at room temperature; to eliminate such risk, the oven
temperature is first set to above 175°C for longer than 5 hours, it is assumed that even if trace
amount of gypsum existed, it would be transformed into anhydrite at high temperature.
The oven temperature was then set to the first target temperature; three to four samples
were taken consecutively in the following 2 to 72 hours for analysis during this period. Afterwards
the oven temperature was either lowered or increased to the next targeted temperature to begin
another run. Typically, the solution inside the reactor would be enough for sampling in two or
three different temperatures, this was called a batch in this research.
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2.3.3 Measurement and Analysis
Both sulfate and calcium concentration in the sample was measured by inductive coupled
plasma-atomic emission spectroscopy (ICP-OES, Agilent Perkin Elmer 4300 DV). All samples
were diluted and analyzed with a molality basis.
The measurement of low concentration of sulfate in a concentrated brine by ICP-OES
needs detailed description. Sulfate concentration was determined by measuring S concentration in
ICP axial mode with λ=181.98 nm. All samples investigated have extremely high TDS (1m CaCl21m NaCl for example) while the corresponding sulfur concentration was normally less than 100
ppm. However, the ICP-OES system only accepts salt concentration of around 1 m NaCl.
Therefore, the samples needed to be diluted before ICP measurement. The dilution fold was
carefully selected such that the diluted sample has S concentration higher than 5 ppm, which
ensures a better signal-to-background ratio (SBR). High concentrations of both Na and Ca will
have a significant matrix effect on ICP measurement, this effect was compensated for by setting
up a robust plasma condition in the method, which was characterized by a high plasma power, low
nebulizer flow rate [Stepan, Musil et al. 2001].
The sulfur solution for calibration standard (in chemical form of Na2SO4, Sigma Aldrich)
must have a similar matrix as the sample. In the earlier experiments we made mistakes to use 99%
pure NaCl or CaCl2 to match the matrix (all standards were prepared in 0.5 m NaCl, 0.5 m CaCl2
solutions, for example). This causes error in the measurement results because the matrix itself has
background SO4 concentration. Later we corrected this problem by using high purity NaCl and
CaCl2 solution as a matrix. The ICP-OES gives sulfate reading with RSD (relative standard
deviation) < 2.5%.
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Calcium measurement is simple. All calcium samples were diluted by 500 to 1000 fold
before ICP measurement in radial mode with λ=317.93 nm, with RSD < 1.5%.
2.3.4 Determine solubility equilibrium
To determine whether equilibrium was reached was key for the solubility measurements.
Previous anhydrite-H2O solubility research at temperature 100-250oC recorded equilibrium time
of fewer than 48 hours, and they used a similar hydrothermal reactor design (Blount and Dickson
1969). 3 days was needed for anhydrite equilibrium at 80°C [Blount and Dickson 1973]. While it
is not appropriate to directly compare the equilibrium time between different measurement setups,
it was surprising that equilibrium could be reached at 125oC in about 20-30 hours, which was our
lowest temperature setup. Equilibrium time shortened significantly when the temperature went
higher. In figure 2.2, as a preliminary experiment, we compared the SO42- concentration overtime
at 200oC and vapor pressure. No significant difference was observed between time duration of 3.5
to 24.5 hours, suggesting saturation had been reached within 3.5 hours.
Researchers have observed a more rapid crystal growth rate with higher Ba:SO4 ratio at the
same SI value [Kowacz and Putnis, 2007], and suggested that lattice metal ion solvation and desolvation are the limiting steps for crystal dissolution and growth. The ratio of Ca:SO4 ranged from
300:1 to 800:1 in our anhydrite system. Higher Ca activity facilitated the kinetic process of both
dissolution and deposition of anhydrite, which may explain why in this experimental solubility
equilibrium was attained much faster than previous solubility research where Ca:SO4 =1:1 was
prevalent.
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Typically, solubility equilibrium was reached by dissolution for temperature below 150°C,
and by precipitation above 150°C. To determine whether there is any difference between reaching
equilibrium from super-saturation and under-saturation condition, after reaching equilibrium at
200oC (where anhydrite deposits to equilibrium), the same batch was raised to 225oC for 10 hours
and again lowered to 200oC, where anhydrite dissolves to equilibrium. Results show no significant
difference between these two regimes (figure 2.2).

Equilibrium SO42- (m)

0.002
0.002
0.001
Reaching from under-saturation
0.001
Reaching from super-saturation
0.000
0

5

10

15

20

25

30

Equilibrium time (h)

Figure 2.2. Comparison from reaching solubility equilibrium from both under-saturation and
super-saturation condition (anhydrite, 200oC, background 1.0 m Ca-1.0 m Na-3.0 m Cl)

2.3.5 Data validation
To verify the current methodology, calcium sulfate anhydrite solubility in pure water and
4 m NaCl was measured and compared with literature data in figure 2.3 and figure 2.4, respectively.
Data from present research generally shows a good correlation with previous data, note that data
from Marshall, Slusher, and Johns (1964) deviates from other sources.
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Figure 2.3. Solubility of anhydrite in DI water, comparison of current results with literature data.

Figure 2.4. Solubility of anhydrite in NaCl solution, compare data of current research and
literature. Open circle, 200oC, Freyer & Voit, 2004. Filled circle, 150oC, this study. Open square,
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150oC, Freyer and Voit, 2004. Filled square, 200oC, this study. Open triangle, 150oC, Blount &
Dickson, 1969. Open diamond, 150oC, Marshall, Slusher & Johns, 1964.

2.4 Results and Discussion
2.4.1 Solubility data
Table 2. Measured equilibrium concentration of Ca and SO4 in various temperatures at vapor
pressure. Note that the Cl ion concentration was slightly changed to meet electro-neutrality.
Temperature
/o C
Ca /m
SO4 /m
Na /m
Cl /m
125
0.253
0.00375
3.25
3.75
140
0.250
0.00319
3.25
3.74
150
0.252
0.00279
3.25
3.75
165
0.253
0.00239
3.25
3.75
180
0.253
0.00212
3.25
3.75
195
0.249
0.00190
3.25
3.74
210
0.254
0.00173
3.25
3.75
120
0.491
0.00283
2.5
3.48
130
0.502
0.00271
2.5
3.50
140
0.500
0.00227
2.5
3.50
150
0.500
0.00215
2.5
3.50
160
0.496
0.00196
2.5
3.49
170
0.504
0.00180
2.5
3.50
175
0.505
0.00178
2.5
3.51
185
0.500
0.00166
2.5
3.50
200
0.507
0.00148
2.5
3.51
210
0.509
0.00141
2.5
3.52
120
0.752
0.00244
1.75
3.25
135
0.752
0.00215
1.75
3.25
150
0.752
0.00197
1.75
3.25
165
0.752
0.00182
1.75
3.25
175
0.752
0.00169
1.75
3.25
185
0.752
0.00160
1.75
3.25
200
0.752
0.00150
1.75
3.25
215
0.751
0.00146
1.75
3.25
120
1.020
0.00263
1
3.04
130
0.991
0.00238
1
2.98
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140
150
160
170
180
190
210
220
230
130
145
160
175
190
210
130
145
160
175
190
210
120
130
140
150
165
180
195
210
130
140
150
170
185
200
215
115
130
140
150
165
61

0.995
0.999
1.012
1.015
1.007
0.996
1.029
1.039
1.029
0.101
0.102
0.103
0.102
0.102
0.100
0.257
0.261
0.255
0.250
0.247
0.247
0.503
0.503
0.502
0.502
0.502
0.501
0.501
0.501
1.014
1.001
1.006
1.019
1.017
1.006
1.016
1.341
1.335
1.342
1.341
1.370

0.00228
0.00200
0.00178
0.00169
0.00165
0.00158
0.00139
0.00132
0.00133
0.00184
0.00141
0.00108
0.00081
0.00061
0.00044
0.00204
0.00158
0.00125
0.00103
0.00079
0.00063
0.00303
0.00269
0.00244
0.00212
0.00168
0.00140
0.00120
0.00104
0.00275
0.00265
0.00243
0.00196
0.00169
0.00155
0.00145
0.00288
0.00263
0.00251
0.00230
0.00202

1
1
1
1
1
1
1
1
1
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0
0

2.99
2.99
3.02
3.03
3.01
2.99
3.06
3.07
3.05
0.20
0.20
0.20
0.20
0.20
0.20
0.51
0.52
0.51
0.50
0.49
0.49
1.00
1.00
1.00
1.00
1.00
1.00
1.00
1.00
2.02
2.00
2.01
2.03
2.03
2.01
2.03
2.68
2.67
2.68
2.68
2.74

180
195
210
125
140
150
160
180
200
215

1.352
1.355
1.346
0.023
0.023
0.020
0.019
0.018
0.015
0.015

0.00187
0.00172
0.00165
0.02337
0.02090
0.01988
0.01916
0.01784
0.01550
0.01461

0
0
0
4
4
4
4
4
4
4

2.70
2.71
2.69
4.00
4.00
4.00
4.00
4.00
4.00
4.00

2.4.2 Discussion

Figure 2.5. Anhydrite solubility in CaCl2-NaCl solution, with constant ionic strength of 4 m. Plot
equilibrium SO42- concentration versus temperature. (Note that the actual calcium concentration
is slightly higher than the value noted in the legend because of anhydrite dissolution.)
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When the ionic strength of the background solution is the same of 4 m, figure 2.5 shows
that the solubility of anhydrite is significantly higher when CaCl2 concentration is less than 0.25
m, this could be explained by the common ion effect of Ca. At other conditions, the solubilities
were close to each other, the difference was even within experimental error under some conditions.
However, there exists a clear trend at 120oC, solubilities show the order of 0.25 m Ca>0.5 m
Ca >1.33 m Ca>1.0 m Ca > 0.75m Ca, that with an increase of Ca concentration, the solubility
decrease first to a minimum at 0.75 m Ca, and then increase. Such a trend could be explained by a
combination of common ion effect and complexation effect,
𝐶𝑎𝑆𝑂4 (𝑠, 𝑎𝑛ℎ𝑦𝑑𝑟𝑖𝑡𝑒) → 𝐶𝑎2+ + 𝑆𝑂4 2−
𝐶𝑎2+ + 𝑆𝑂4 2− → 𝐶𝑎𝑆𝑂40
The first equation shows the common ion effect, where the increase of Ca2+ favors lower
SO42-. The second equation shows the complexation effect, where higher Ca2+ favors higher SO42-.
When the temperature is higher than 120oC, the above analysis probably also holds, but the trend
is not clear because the solubilities all converge to a low value.
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Figure 2.6. Anhydrite solubility in CaCl2 solution. Plot equilibrium SO42- concentration versus
temperature. (Note that the true calcium concentration is slightly different from noted in the
legend because of anhydrite dissolution.)

When only CaCl2 exists in solution, adding more CaCl2 also increase the ionic strength (I)
of solution, higher I generally favor higher solubility of anhydrite (unless the ionic strength is
extremely high to reach 7 m, see figure 2.4, for example), the ionic strength effect is more
significant at high temperature, still take the equation of S-I-T theory as an example, for a CaSO4CaCl2-H2O system,

𝑙𝑜𝑔 (𝛾±𝐶𝑎𝑆𝑂4 ) =

−𝐴 ∗ |𝑍+ 𝑍− |√𝐼
1 + 1.5 ∗ √𝐼

∗ 𝑚𝐶𝑙 )
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+

1
∗ (𝜀𝐶𝑎−𝑆𝑂4 ∗ (𝑚𝑆𝑂4 + 𝑚𝐶𝑎 ) + 𝜀𝐶𝑎−𝐶𝑙
2

(2.2)

Here, the Debye-Hückel parameter 𝐴 increase monotonically with temperature (at
saturated vapor pressure), and the contribution of the Debye-Hückel term is higher at high
temperature when ionic strength is the same. In figure 2.6, this effect is illustrated at the
temperature of 210oC. It also follows that the ionic strength impact dominates over the common
ion effect at this temperature. From this equation, it will also be expected that the second term on
the right would closely relate to 𝑚𝐶𝑎 , because 𝑚𝑆𝑂4 is negligible. Designated by 𝛿, this term is
defined as the deviation of the mean activity coefficient of CaSO4 from prediction of D-H equation.
To simplify the calculation, here in the D-H term calculation, the “a” value (distance of the closest
approach of hydrated ions) is arbitrarily set to be 4.3 Å. 𝛿 is represented by the following equation,

𝛿 = 𝑙𝑜𝑔 (𝛾±𝐶𝑎𝑆𝑂4 ) −
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−𝐴 ∗ |𝑍+ 𝑍− |√𝐼
1 + 𝐵 ∗ 𝑎 ∗ √𝐼

(2.3)

Figure 2.7. The plot of 𝛿, deviation from Debye-Hückel equation, with CaCl2 concentration,
system CaSO4-CaCl2-H2O. To calculate the mean activity coefficient of CaSO4, smoothed
anhydrite solubility data at 130oC, 170oC and 210oC from this research, and those anhydrite
solubility data from 25oC to 80oC originates from Li and Demopoulos 2005, anhydrite solubility in
DI water is also included at each temperature except at 25oC and 50oC.

In Figure 2.7 is plotted the deviation from D-H equation prediction with concentration of
CaCl2, data of 130oC to 210 oC come from this research, while data of 25oC to 80oC from anhydrite
solubility measurement is from Li and Demopoulos 2005. Here, a negative δ value means that the
measured γ±CaSO4 is smaller than predicted by D-H equation, which leads to higher solubility of
the solid phase, while a positive δ means the opposite. The D-H terms theoretically characterize
the electrostatic interaction between solvated ions in a continuous water dielectric medium, it is
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well known that δ = 0 in an extremely diluted solution. In a more concentrated solution, effects
such as ion association, decreased hydration of ions and water activity all lead to nonzero δ value.
Two consistent trends of δ with [CaCl2] and temperature can be observed in figure 2.7.
First, higher temperature favors lower δ at the same [CaCl2]. At high temperature, the degree of
complexation of Ca-Cl and Ca-SO4 will both increase because the ability of water to “screen” the
ions is weakened due to lower dielectric constant, as a 2-2 ion, Ca-SO4 have high tendency to
associate with each other; Second, at the same temperature, δ decrease to a minimum until it
increases at higher concentration of CaCl2. At T<80oC, δ increase to δ>0 when [CaCl2] > 4 m. At
this concentration, the solvation ability of water was interfered with by a large concentration of
ions, which leads to decreased solubility.

2.5 Conclusion
The solubility of calcium sulfate anhydrite was measured in CaCl2-NaCl-H2O background
solution from temperature range 120°C to 220°C, at vapor pressure. In systems with constant
stoichiometric ionic strength of 4 m, systems with [CaCl2] < 0.25m show higher solubility because
of common ion effect, while with higher [CaCl2] the solubility is not significantly different,
especially at high temperature. In systems with [CaCl2] only, higher [CaCl2] leads to higher
solubility when [CaCl2] < 1 m.
Qualitatively, an increase of [CaCl2] in brine would lead to four effects,
1. Increase of ionic strength, which would lead to solubility increase. This effect is
characterized by the Debye-Hückel equation and is more significant at high temperatures.
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2. Increase of complexation of Ca ion and SO4 ion, which would also lead to solubility
increase.
3. Common ion effect (if the solid lattice ion contains Ca), which would decrease the
solubility. The common ion effect is only significant at low [Ca] concentration and levels
off at higher concentrations.
4. Decrease of water activity and decrease of ion hydration, this effect exists but is only
significant when [CaCl2] is extremely high.
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Chapter 3

Modeling of Ca-SO4 interaction parameters in
the Pitzer model framework

Introduction
As described in Chapter 1, the Pitzer model is based on parameterization of specific ionion interaction terms. The accurate parameterization of a sulfate brine system, Na-Cl-X-SO4-H2O
(X=Mg, Ca, Sr, Ba), has been a continuous effort since the birth of Pitzer’s model, the need for
such an effort originates from new data source available, as well as the high degree of uncertainty
of divalent-ion chemical potential at infinite dilute conditions.
Since the solubility prediction is based on saturation index (SI) defined by 𝑆𝐼 =
log10 𝑚𝑐 + 𝑚𝑎− + log10 𝛾𝑐 + 𝛾𝑎− − log10 𝐾𝑠𝑝 , accurate Ksp value is equally important as accurate
activity coefficient of ions, the latter is calculated by Pitzer’s model. Unfortunately, literature listed
Ksp values of sulfate mineral show large discrepancy. Another problem is the model deviation at
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high calcium and high sulfate concentrations, this is due to the uncertainty of the 2:2 ion interaction
term, like 𝐶𝑎 − 𝑆𝑂4, 𝑆𝑟 − 𝑆𝑂4 and 𝐵𝑎 − 𝑆𝑂4 . Because of their low concentration in solution these
interaction terms are too small to be determined under common experimental conditions, which
results in poor accuracy of these terms. In the produced water with extremely high calcium or
sulfate concentrations, these uncertainties result in large errors in solubility predictions.
To address these two problems, in this chapter the uncertainty of sulfate scale Ksp value
will be discussed in detail, and an effort is made to estimate Ksp of sulfate scale at a wide range
of T/P conditions based on broader source of solubility data at dilute conditions. Then important
2:2 ion interaction term like 𝐶𝑎 − 𝑆𝑂4 will be quantified based on regression analysis, after
incorporating new data source of high calcium and high sulfate solubilities of calcium sulfates.

3.1 Improvement of Ksp value of Barite and Anhydrite
3.1.1 Discrepancy among literature Ksp values
One of the disadvantages of including solubility data in Pitzer models is the uncertainty of
Ksp values. The mean stoichiometric activity coefficients in the Pitzer model relates with solubility
by the following equation (take crystal CaSO4 anhydrite as an example),

log(𝛾±𝐶𝑎𝑆𝑂4 ) =

1
1
log(𝑚𝑡,𝐶𝑎2+ ∗ 𝑚𝑡,𝑆𝑂42− ) − 𝑙𝑜𝑔(𝐾𝑠𝑝,𝐶𝑎𝑆𝑂4 )
2
2

(3.30)

Any error of 𝐾𝑠𝑝,𝐶𝑎𝑆𝑂4 will become an error of ln(𝛾±𝐶𝑎𝑆𝑂4 ) systematically. Unfortunately,
literature reported Ksp values differs with each other significantly, especially at high temperature
and high pressure. There are numerous literature reports on Ksp values of the gypsum, anhydrite,
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barite, and celestite, figure 3.1 summarizes some among them to show the discrepancy among
different authors.
All mineral Ksp values in the literature show a trend of higher scatters at higher temperature.
Since gypsum exists as a stable phase (not in the thermodynamic sense) at lower temperature
(<100°C), the discrepancy is smaller (< ±0.15 at T=100°C). Barite shows high consistency because
of its extremely low solubility in pure water (<1.8 × 10-5molal), the impact of ion-pair is negligible
at this low concentration, such that its Ksp is close to the square root of solubility. In contrast, the
discrepancy of anhydrite Ksp is high up to ±0.4 at 200°C, mainly because of the significant
contribution of CaSO40 ion pair formation to its solubility. Celestite Ksp is also complicated by
ion-pair SrSO40, but the controversy over its standard Gibbs free energy 𝛥𝑓 𝐺 0 (𝑆𝑟 +2 ) further
complicated the problem, the table from NBS (National Bureau of Standards) gives 𝛥𝑓 𝐺 0 𝑆𝑟 +2= 559.5 kJ/mol, while Busenberg et.al reported a value of -563.8 kJ/mol, based on their solubility
measurement of SrCO3 [Busenberg, Plummer & Parker. 1984], this difference leads to a log10Ksp
(SrSO4) difference of ±0.76.
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Figure 3.1 A summary of Ksp of sulfates scale minerals reported in the literature. “Solmineq.88”
from Kharaka et al. 1989, “SUPERCRT.92” from the software SUPERCRT.92, originated from
Johnson, Oelkers & Helgeson. 1992. “PHREEQC 3.0” from Appelo 2015.

Consider the uncertainty in standard properties of electrolyte solution at high temperature,
an error of ±0.1 logKsp would cause a systematic ±12% error for solubility prediction of 2:2 salt.
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It might be argued that since Ksp values only serve as a “standard reference state”, the systematic
negative or positive deviation of Ksp does not matter to solubility prediction, because the fit of the
Pitzer viral coefficients would compensate such error. However, this is not a rigorous approach.
For example, in dilute solutions, ion-ion interaction terms are negligible because of low ion
concentration, that they fail to compensate for the error of Ksp, therefore large error would exist
for solubility of minerals in dilute solution. Also, the ion-ion interaction parameters fitted from
solubility data of one mineral would carry the bias of Ksp of this mineral, these fitted parameters
would be inappropriate to be used in other mineral solubility predictions.
Therefore, there is a need to examine literature reported Ksp values of sulfate minerals, as
well as their methodology to calculate Ksp.
3.1.2 Methods to estimate Ksp value of barite
A significant source of uncertainty of Ksp values is from the uncertainty of the chemical
potentials of cation 𝑀+2 and anion 𝑆𝑂42− ions at infinite dilution, especially at high temperature.
Two approaches are generally applied to calculate Ksp values,
a)

Gibbs

free

energy

approach,

0
0
0
Δ𝐺𝑑𝑖𝑠𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛
= 𝐺𝑋02+ + 𝐺𝑆𝑂
2− − 𝐺𝑋𝑆𝑂 (𝑠𝑜𝑙𝑖𝑑) =
4
4

−𝑅𝑇𝑙𝑛𝐾𝑠𝑝
b)

Solubility approach, 𝐾𝑠𝑝 = 𝑚𝑋 2+ 𝛾𝑋 2+ 𝑚𝑆𝑂42− 𝛾𝑆𝑂42−

0
0
Using barite as an example, in the Gibbs free energy approach, 𝜇𝐵𝑎
2+ and 𝜇𝑆𝑂 2− are
4

determined by characterization of thermodynamic molar properties (∆𝑉 0 , ∆𝐶𝑝0 , Δ𝐻 0 , Δ𝑆 0 , etc. ) of
𝐵𝑎𝐶𝑙2 ,𝑁𝑎2 𝑆𝑂4 and NaCl solutions, this approach is generally taken in SUPCRT.92 regression
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process, using mainly data of standard volumetric properties (standard partial molar
volume/compressibility/expansibility), along with the Gibbs-Duhem equation and various
Maxwell relations, to estimate other standard thermodynamic properties of ionic species (Helgeson
1976). Comparing to the free energy approach, the solubility approach is more directly linked to
experimental data. This is the method applied by C.W Blount (Blount 1977), using his measured
solubility data at high temperature and pressure. Blount’s results agree with Ksp from SUPCRT.92,
Solmineq.88 below 200°C (Figure 3.1, up), however, PHREEQC’s result deviates from other
sources significantly: at 25°C, it is widely agreed that 𝐾𝑠𝑝,𝑏𝑎𝑟𝑖𝑡𝑒 = 10−9.98±0.02 (Langmuir 1985,
Jiang 1992), while PHREEQC gives 𝐾𝑠𝑝,𝑏𝑎𝑟𝑖𝑡𝑒 = 10−9.84 (Appelo 2015).
Comparing the above mentioned two approaches, the solubility approach is preferred for
barite, because it is “closer” to the experimental data and involves less adoption of results from
other sources.
3.1.3 Ksp of barite considering HSO4- association
The barite Ksp at temperature from 25°C to 250°C and from 1 to 1400 bars was given by
Blount (Blount 1977), this Ksp value received wide acceptance in the literature. Blount uses an
extended form of Debye-Huckel equation to calculate γ±,𝐵𝑎𝑆𝑂4 ,

log γ±,𝐵𝑎𝑆𝑂4 =

−A ∗ |zBa 𝑧𝑆𝑂4 |√𝐼
1 + 𝐵𝑎 ∗ √𝐼

(3.31)

and thereby derived barite Ksp from solubility data.
𝑙𝑜𝑔𝐾𝑠𝑝,𝐵𝑎𝑟𝑖𝑡𝑒 = 2 log 𝑚𝐵𝑎𝑟𝑖𝑡𝑒 + 2 log γ±,𝐵𝑎𝑆𝑂4
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(32.3)

Since the barite solubility is low to the range of 4×10-6 m to 6×10-5 m, in this highly dilute
solution 𝑙𝑜𝑔γ±,𝐵𝑎𝑆𝑂4 calculation closely follows the limiting law, so the γ±,𝐵𝑎𝑆𝑂4 calculation has
high certainty, regardless of the activity coefficient model used. Blount concluded that the
𝑙𝑜𝑔γ±,𝐵𝑎𝑆𝑂4 calculated from the experimental condition ranged from -0.036 to -0.013, and the
uncertainty of log γ±,𝐵𝑎𝑆𝑂4 is much less than the uncertainty of log 𝑚𝐵𝑎𝑟𝑖𝑡𝑒 , which is ±0.04 if the
uncertainty of solubility is ±5%.
However, some issues still exist in the above calculations,
1) At temperature above 200°C, the association of 𝐻𝑆𝑂4− and 𝐵𝑎𝑆𝑂40 was not considered.
2) The data is incomplete at 1400bar. While the Ksp value given by Blount covers pressure
up to 1400bar, only three data represent 1400bar at temperature around 157°C (see Table 2 in
Blount, 1977), this means the 1400 bar Ksp values is an extrapolation at temperatures away from
157°C. Blount’s data is only complete below 1000 bar covering temperature from 25°C to 250°C.
When using the solubility approach to calculate Ksp, the protonation of SO42- to HSO4- are
often assumed negligible, but this may need revision at higher temperature. The equilibrium can
be expressed as,
−
H + + SO2−
4 → HSO4

𝛾𝑆𝑂42−
[𝐻𝑆𝑂4− ]
+
=
𝑎
∗
∗ 𝐾𝑎𝐻𝑆𝑂4−
𝐻
[𝑆𝑂42− ]
𝛾𝐻𝑆𝑂4−

(3.33)

(3.5)

The association constant 𝐾𝑎𝐻𝑆𝑂4− in equation 3.5 were studied at high temperature by two
independent researchers [Oscarson, Izatt, et al. 1988; Dickson, Wesolowski, et al. 1990], their
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results of association constant agreed with each other very well. The degree of association in
BaSO4- H2O system, 𝛼𝐻𝑆𝑂4− = [𝐻𝑆𝑂4−1 ]/[𝑆𝑂42− ]𝑡𝑜𝑡 , was calculated using solubility data of barite
in pure water from Blount 1977, with the activity coefficient calculated by the Pitzer model, the
result is plotted in Figure 3.2. In a BaSO4- H2O system, 𝛼𝐻𝑆𝑂4− is almost negligible below 150°C,
but increase to 5% at 200°C and further to about 20% at 250°C, speciation of 𝐻𝑆𝑂4− therefore
should be considered above 175°C in the sulfate chemistry. The speciation to 𝐻𝑆𝑂4− would
decrease with ionic strength, this means [𝐻𝑆𝑂4− ] may become negligible even at T=200°C in
typical brine conditions with high ionic strength.

Figure 3.2 Calculated degree of association in the Barite-H2O system with temperature at various
pressure. The total sulfate concentration is taken from C.W. Blount 1977.

Next is to calculate barite Ksp based on solubility data with the speciation of HSO4- being
considered. The data sources are critically selected and listed in table 3.1, these data are selected
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because of their low ionic strength, and therefore the calculation of activity coefficient has high
certainty. Two extra data sources are included compared to data used by Blount 1977. The Jiang
1996 data gives an accurate Ksp prediction from 0°C to 80°C, updating data from Templeton 1960.
The Shi et al. 2012 data pertains to barite in 0.1m NaCl, it is the only measurement at 0°C and high
pressure. Also, at the highest pressure of 1400bar, Blount’s experimental solubility data only
covers temperature around 155°C, so at this pressure we use smoothed data given by Blount,
though there is some uncertainty in this data due to extrapolation, this is the only data source and
it would give a reasonable prediction boundary to the Ksp model. The calculated barite Ksp is
shown in equation 6, the overall goodness of fit for these solubility data is evaluated by the rootmean-square error (RMSE) of saturation index (SI), which is listed also in Table 3.1. A robust
regression technique was applied, where a few data with large deviation were given less weight.
Table 3.1. Data to calculate Barite Ksp from 0°C to 250°C, <1400 bar.
Data Source
T/P range and composition
No. 𝑅𝑀𝑆𝐸 of
SI
Templeton 1960
25°C to 90°C, 1bar, Barite in H2O
6
0.05
Jiang 1996

0°C to 80°C, 1bar,
Barite in 0.0002 m to 0.0079 m Na2SO4 solution

60

0.02

Blount 1977,
experimental
Shi et al. 2012

22°C to 249°C, <1400bar, Barite in H2O

38

0.05

0°C to 100°C, <1517 bar, Barite in 0.1m NaCl
solution
60°C to 250°C, 1400bar, Barite in H2O

12

0.06

9

0.05

Blount 1977, Smoothed
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𝑙𝑜𝑔 𝐾𝑠𝑝,𝐵𝑎𝑟𝑖𝑡𝑒 = 2.9600 ∗ 10−5 𝑃𝑇 − 2.4075 ∗ 10−5 𝑇 2 − 6.7721
∗ 10−3 𝑃 𝑙𝑜𝑔𝑇 +
− 0.19958

3.0934 𝑃 − 2246.2 0.077348 𝑃 + 21.277
−
𝑇
𝑇 − 227

(3.6)

𝑃
647 − 𝑇

Here P<1400bar and 273K<T<523K.
Equation 3.6 gives the revised Ksp of barite. In figure 3.3 is plotted the fitted Ksp values
of barite compared with values given by SUPCRT.92, at vapor pressure and 550 bar the difference
is small to be within 0.05 logKsp except at 0°C, however at 1000 bar the maximum difference is
0.15 logKsp. The difference between ours and those reported by Blount 1977 at temperature below
200°C is small (<0.05 logKsp), however our results at T>225°C is considerably lower, e.g., at
250°C, vapor pressure, our calculated barite logKsp is -10.95 compared to Blount’s -10.80, this is
due to the correction of 𝐻𝑆𝑂4− speciation at high temperature.
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Figure 3.3. Regression results of barite Ksp using solubility data in Table 4, and its comparison
with SUPCRT.92

3.1.4 Estimate Ksp of anhydrite by Iso-coulombic principle
Unlike barite, the Ksp of gypsum and anhydrite cannot be determined unambiguously with
solely binary solubility data, because of their relatively large solubility, the mean activity
coefficient needs to be determined first. For gypsum we take directly the Ksp value from
Solmineq.88, because the limiting properties of both 𝐶𝑎2+ and 𝑆𝑂42− might be more accurately
characterized at low temperature (<100°C). The above limiting properties reported in literature
might involve larger uncertainties T>100°C, this leads to relatively large discrepancy of anhydrite
(Figure 3.1, bottom). We examine the Ksp of anhydrite using iso-coulombic principle [Langmuir
1985]. Our calculated results are surprisingly similar to Ksp anhydrite given by Solmineq.88,
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though showing small deviation above 200°C at vapor pressure (Figure 3.4), which implies that
the values given in SOLMINEQ.88 may also be calculated following iso-coulombic approach.
The detailed calculation process using iso-coulombic principle to determine anhydrite Ksp
is presented below.
The dissolution reaction of barite and anhydrite are,
𝐵𝑎𝑆𝑂4,c ↔ 𝐵𝑎2+ (𝑎𝑞) + 𝑆𝑂42− (𝑎𝑞)

(3.34)

𝐶𝑎𝑆𝑂4,c ↔ 𝐶𝑎2+ (𝑎𝑞) + 𝑆𝑂42− (𝑎𝑞)

(3.35)

The above two reactions combined is,
𝐶𝑎2+ + 𝐵𝑎𝑆𝑂4 (𝑐) = 𝐵𝑎2+ + 𝐶𝑎𝑆𝑂4 (𝑐)

(3.36)

The iso-coulombic principle states that, heat capacity change of this reaction ∆𝑟 𝐶𝑝 does
not change with temperature because it has the same valence on both sides (iso-coulombic reaction,
Murray and Cobble 1980),
(∆𝑟 𝐶𝑝) 𝑇 = (∆𝑟 𝐶𝑝)25°𝐶
0
0
= 𝐶𝑝𝐵𝑎
+2 ,25°𝐶 + 𝐶𝑝𝐶𝑎𝑆𝑂 (𝑐),25°𝐶 − 𝐶𝑝𝐶𝑎+2 ,25°𝐶 − 𝐶𝑝𝐵𝑎𝑆𝑂 (𝑐),25°𝐶
4
4

(3.37)

This relationship facilitates the calculation of (∆𝑟 𝐶𝑝) 𝑇 at any temperature because it is
based on 25oC standard heat capacity values, which are taken from NBS table. Heat capacity of
barite and anhydrite are taken from more recent experimental value of J. Majzlan et.al 2002.
0
Gibbs free energy change ∆𝑟 𝐺𝑇,𝑃0
at a certain reference temperature can be calculated by,
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𝑇
0
∆𝑟 𝐺𝑇,𝑃0

=

0
∆𝑟 𝐺𝑇𝑟,𝑃0

−

0
∆𝑟 𝑆𝑇𝑟,𝑃0

∗ (𝑇 − 𝑇𝑟) + ∫ ∆𝑟 𝐶𝑝 ∗ 𝑑𝑇 − 𝑇
𝑇𝑟

𝑇

∆𝑟 𝐶𝑝
∗ 𝑑𝑇
𝑇𝑟 𝑇

∗∫

(3.38)

0
0
(𝑇 − 𝑇𝑟)
= ∆𝑟 𝐺𝑇𝑟,𝑃0
− ∆𝑟 𝑆𝑇𝑟,𝑃0

+ ∆𝑟 𝐶𝑝 (T − Tr − 𝑇 ∗ ln (

𝑇
))
𝑇𝑟

Finally,

0
∆𝑟 𝐺𝑇,𝑃0
= −𝑅𝑇 ln (

𝐾𝑠𝑝𝐵𝑎𝑟𝑖𝑡𝑒
)
𝐾𝑠𝑝𝐴𝑛ℎ𝑦𝑑𝑟𝑖𝑡𝑒

(3.39)

As discussed in 3.1.2, 𝐾𝑠𝑝𝐵𝑎𝑟𝑖𝑡𝑒 derived by Blount (1977) based on his barite solubility
data has high certainty because barite ion association impact is negligible. Langmuir and Melchior
(1985) use reference temperature𝑇𝑟 = 50°𝐶 and Blount’s barite Ksp to calculate anhydrite Ksp,
this study use 𝑇𝑟 = 25°𝐶 , yet the results are almost identical.

𝑙𝑜𝑔𝐾𝑠𝑝𝐴𝑛ℎ𝑦𝑑𝑟𝑖𝑡𝑒,𝑃𝑆𝐴𝑇 = 123.576 −

4948.241
− 44.976 ∗ log(𝑇)
𝑇

(3.40)

Assuming the iso-columbic principle is valid, the above calculation process has negligible
error because it is solely based on standard properties at 25°C, 1bar.
The pressure dependence of 𝐾𝑠𝑝𝐴𝑛ℎ𝑦𝑑𝑟𝑖𝑡𝑒 can also be derived provided (∆𝑟 𝐶𝑃 )25°𝐶 at
𝜕𝐶𝑝

𝜕2 𝑉

𝜕𝐸

P<1500bar is known. Since ( 𝜕𝑃 ) 𝑇 = −𝑇 (𝜕𝑇 2 ) = −𝑇𝑉0,𝑇 ( 𝜕𝑇𝑋 ) , the standard isobaric
𝑃

expansibility of the related aqueous ions and crystals is needed.
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𝑃

The pressure dependence of 𝐶𝑝 for solids is negligible. For anhydrite, H.T. Evans Jr. (1979)
reports the expansibility,

𝑉𝐴𝑛ℎ𝑦𝑑𝑟𝑖𝑡𝑒,𝑡°𝐶,1𝑏𝑎𝑟 = 𝑉0 (1 + 0.366 ∗ 10−4

𝑡
𝑡
1
+ 1.14 ∗ 10−8 ( )2 ) ∗
°𝐶
°𝐶
°𝐾

(3.41)

0°𝐶 < 𝑡 < 1000°𝐶

Which gives,

(

𝜕𝐶𝑝
𝑇
𝑡
−8
(
) 0°𝐶 < 𝑡 < 250°𝐶
)𝑇,𝐴𝑛ℎ𝑦𝑑𝑟𝑖𝑡𝑒 = −
𝑉
2.28
∗
10
0,𝑇
(°𝐾)2
𝜕𝑃
°𝐶

(3.42)

𝜕𝐶𝑝

at 25°C, 𝑉0 = 46.01 𝑐𝑚3 /𝑚𝑜𝑙, ( 𝜕𝑃 )25°𝐶,𝐴𝑛ℎ𝑦𝑑𝑟𝑖𝑡𝑒 = −3.128 ∗ 10−5 𝐽 𝑚𝑜𝑙 −1 𝐾 −1 𝑏𝑎𝑟 −1
Pressure of 1000 bar will lead to negligible change of ∆𝐶𝑝 = -0.03 𝐽 𝑚𝑜𝑙 −1 𝐾 −1 . For barite,
∆𝐶𝑝 due to pressure is also negligible, then,
0
0
(∆𝑟 𝐶𝑝)25°𝐶,𝑃 = (𝐶𝑝𝐵𝑎
+2 ,25°𝐶,𝑃 − 𝐶𝑝𝐶𝑎+2 ,25°𝐶,𝑃 ) + (𝐶𝑝𝐶𝑎𝑆𝑂 (𝑐),25°𝐶
4

(3.43)
− 𝐶𝑝𝐵𝑎𝑆𝑂4(𝑐),25°𝐶 )
To derive the standard isobaric expansibility of the related aqueous ions, since,
0
0
0
0
0
𝐶𝑝𝐵𝑎
+2 ,25°𝐶,𝑃 − 𝐶𝑝𝐶𝑎+2 ,25°𝐶,𝑃 = 𝐶𝑝𝐵𝑎𝐶𝑙 ,25°𝐶,𝑃 − 𝐶𝑝𝐶𝑎𝐶𝑙 ,25°𝐶,𝑃 , the values of 𝐶𝑝𝐵𝑎𝐶𝑙 ,25°𝐶,𝑃 and
2
2
2
0
𝐶𝑝𝐶𝑎𝐶𝑙
can be determined by measuring heat capacity of BaCl2 and CaCl2 solution under
2 ,25°𝐶,𝑃

pressure at 25°C and extrapolate to infinite dilution; or by measuring expansibility (temperature
dependence of density). Such data are readily available in literature and can be considered reliable.
0
0
0
Here for expediency 𝐶𝑝𝐵𝑎
+2 ,25°𝐶,𝑃 and 𝐶𝑝𝐶𝑎+2 ,25°𝐶,𝑃 are taken directly from SUPCRT.92, 𝐶𝑝25°𝐶,𝑃

increase with pressure at 25°C, and are fitted to,
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−5 2
−9 3
̅̅̅̅0 +2
𝐶𝑝
𝐶𝑎 ,25°𝐶,𝑃 = −30.93 + 0.0455𝑃 − 1.802 ∗ 10 𝑃 + 2.892 ∗ 10 𝑃

(3.44)

−5 2
−9 3
̅̅̅̅0 +2
𝐶𝑝
𝐵𝑎 ,25°𝐶,𝑃 = −51.02 + 0.07781𝑃 − 1.621 ∗ 10 𝑃 + 2.563 ∗ 10 𝑃

(3.45)

̅̅̅̅)25°𝐶,𝑃 = (−20.1 + 0.03231𝑃 + 1.805 ∗ 10−6 𝑃2 − 3.29 ∗ 10−10 𝑃3 )
(∆𝑟 𝐶𝑝
(3.46)
+ (97.59 − 107.6)
0
(𝑇 − 𝑇𝑟) + ∆𝑟 𝐶𝑝 (T − Tr −
Then for the iso-coulombic reaction, ∆𝑟 𝐺𝑇0 = ∆𝑟 𝐺𝑇0𝑟 ,𝑃0 − ∆𝑟 𝑆𝑇𝑟,𝑃0
𝑇

𝑇 ∗ ln (𝑇𝑟)) can be calculated.
𝐾𝑠𝑝𝐵𝑎𝑟𝑖𝑡𝑒

0
Finally, combine ∆𝑟 𝐺𝑇,𝑃0
= −𝑅𝑇 ln (𝐾𝑠𝑝

𝐴𝑛ℎ𝑦𝑑𝑟𝑖𝑡𝑒

) and Ksp of barite from Blount 1977,

𝑙𝑜𝑔 (𝐾𝑠𝑝𝐵𝑎𝑟𝑖𝑡𝑒 )
= (1.49325 × 10−2 𝑃 − 48.61) 𝑙𝑜𝑔𝑇
+

(3.47)

(2.35365 𝑃 − 7682.76)
− 4.398 × 10−2 𝑃 + 136.079
𝑇

Gives,
𝑙𝑜𝑔(𝐾𝑠𝑝𝐴𝑛ℎ𝑦𝑑𝑟𝑖𝑡𝑒 )
= (−44.9381 + 0.0108𝑃) ∗ 𝑙𝑜𝑔𝑇 +

(1.8188 𝑃 − 4943.71)
𝑇

(3.48)

− 0.031966𝑃 + 123.4657
Ksp of anhydrite with temperature and pressure are plotted in Figure 3.4 and compared
with those given in Solmineq.88.
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Iso-Coulombic Principle 50 bar

Iso-Coulombic principle 550 bar

Iso-Coulombic principle 1050 bar

Iso-Coulombic principle 1550 bar

Figure 3.4. Ksp anhydrite with temperature and pressure, compare values calculated by isocoulombic principle in this study and those given in Solmineq.88.

3.2 Data source and validation for Pitzer’s equation modeling
3.2.1 Freezing point depression of dilute CaSO4 solution
The freezing-point depression of CaSO4 solution was given by P.G.M. Brown and J.E. Prue
(1955), the freezing-point depression 𝜃 (°C) is related with osmotic coefficient 𝜙 by,
𝜃(1 + 𝑏𝜃) = 2𝜆𝑚𝜙
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(3.49)

Where 𝜆=1.860°C×mol-1×kg, b =0.00048/°C, m is molality of the solute.
3.2.2 Density and compressibility of dilute CaSO4 solution at 25°C
F.J. Millero, F. Gombar & J. Oster (1977) gives density and compressibility measurement
of dilute calcium sulfate solution at 25°C down to 0.0005m, with method of vibrating densimeter
and sound-speed measurement, respectively. Apparent molar volume (Φv) shows a relative error
of ± 9% when [CaSO4] < 0.007 m, and will increase to ±35% when [CaSO4] < 0.003 m, therefore,
Density data with m<0.002m is excluded because of high relative error.
3.2.3 Solubility data, availability and error
In the Pitzer-Debye-Hückel model, most ion-ion interaction parameters are fitted from
volumetric and calorimetric properties of the solution of single solute, especially important are
density, heat capacity, and isopiestic experiment, since these methods can be performed at a high
temperature of practical interest. Pitzer considered data on phase equilibrium (solubility)
inconsistent and has higher experimental error, therefore in Pitzer’s series of papers solubility data
are only used for parameter verification.
However, for 2:2 salts of Ca-SO4, Sr-SO4, Ba-SO4, because of their low molality in solution
due to low solubility, change of density, heat capacity, or water activity in solution due to their
existence cannot be measured with certainty.
Blount and Dickinson’s solubility study is considered as a paradigm, they measured
anhydrite solubility in 1m to 4m NaCl solution up to 300C, and 1500 Bar, and estimated error of
their data to be ±5% [Blount & Dickinson, 1969], gypsum solubility was estimated to be ±5%
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[Blount & Dickson, 1973]. B.S. Krumgalz (2018) fitted historical solubility data of calcium
sulfates in H2O at vapor pressure to a 6th-order polynomial model and concluded a standard error
of estimation (SEE) of ±7.83% for anhydrite and SEE=±2.09% for gypsum.
3.2.4 Need of common ion solubility data of calcium sulfates
Characterization of the 2:2 cation-anion interaction with temperature and pressure has been
a long-standing difficult problem. The interaction between 𝑀𝑔: 𝑆𝑂4 had been characterized by
Phutela and Pitzer (1986) and later corrected by Archer and Rard (1998) with regression of the
thermodynamic data of the MgSO4-H2O system. This is however not possible for 𝐶𝑎: 𝑆𝑂4, in the
CaSO4-H2O system, according to the Pitzer model,
2
√𝐼
ln(𝛾±𝐶𝑎𝑆𝑂4 ) = −4𝐴𝜙 (
+
ln(1 + 1.2√𝐼))
1 + 1.2√𝐼 1.2
(0)

(1)

(2)

+ 𝑚[ 𝛽𝐶𝑎,𝑆𝑂4 + 𝛽𝐶𝑎,𝑆𝑂4 exp(−1.4√𝐼) + 𝛽𝐶𝑎,𝑆𝑂4 𝑒𝑥𝑝(−12√𝐼))
(0)

(1)

(3.50)

(2)

+ 𝛽𝐶𝑎,𝑆𝑂4 + 𝛽𝐶𝑎,𝑆𝑂4 g(−1.4√𝐼) + 𝛽𝐶𝑎,𝑆𝑂4 𝑔(−12√𝐼)) ]
3
𝜙
+ 𝑚2 𝐶𝐶𝑎,𝑆𝑂4
2
Because of its much lower solubility, thus low value of 𝑚 and 𝐼 in equation 23, only
(2)

𝛽𝐶𝑎,𝑆𝑂4 , a large negative value, can be estimated accurately using solubility data in the CaSO4-H2O
(1)

(0)

𝜙

system. Contribution of 𝛽𝐶𝑎,𝑆𝑂4 term is small, contribution from 𝛽𝐶𝑎,𝑆𝑂4 and 𝐶𝐶𝑎,𝑆𝑂4 terms are less
or close to experimental uncertainty, their contribution to the mean activity coefficient are adding
a small number to a large number, therefore regression of ln(𝛾±𝐶𝑎𝑆𝑂4 ) with 𝑚 would not give a
(0)

(1)

𝜙

good estimation of these terms. To estimate𝛽𝐶𝑎,𝑆𝑂4 , 𝛽𝐶𝑎,𝑆𝑂4 and 𝐶𝐶𝑎,𝑆𝑂4 , it is necessary to raise
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their contribution by increasing the ion concentration, this can only be realized in the common-ion
Ca system or common ion SO4 system.
Common ion solubility data, CaSO4 solubility in high concentration of either CaCl2 or
Na2SO4, are needed to completely characterize the interaction of Ca: SO4 . This characterization
is also practically important, because most brine show high calcium low sulfate properties, the
calcium concentration could be as high as 0.5 m, or higher. For the other two interaction, 𝑆𝑟: 𝑆𝑂4
and 𝐵𝑎: 𝑆𝑂4 , practically their concentration is many order of magnitude lower compared to
Ca: SO4 , it is even more difficult to characterize them, but on the other hand, there is no practical
need to characterize them because their contributions to the activity coefficient are negligible.
The common ion Ca or common ion SO4 data sources used in regression are listed in table
3.3. In the regression process of Pitzer model, besides the Ca-SO4 interaction parameters
(0)

(1)

(2)

𝜙

(𝛽𝐶𝑎,𝑆𝑂4 ,𝛽𝐶𝑎,𝑆𝑂4 , 𝛽𝐶𝑎,𝑆𝑂4 , 𝐶𝐶𝑎,𝑆𝑂4 ), another two mixture terms, 𝜑𝑁𝑎−𝐶𝑎−𝑆𝑂4 and 𝜑𝐶𝑙−𝑆𝑂4−𝐶𝑎 are
also estimated. Optimization of the T/P coefficients of these terms takes a matrix approach, the
RMSE for saturation index (SI) is roughly 0.05, which is equivalent to roughly ±6% uncertainty
of relative solubility. In figures 9 and 10 are plotted solubility of calcium sulfates in Na2SO4
solution and CaCl2 solution, respectively, the behavior of calcium sulfates solubility in these two
common- ion solutions are different, while both show a “v” shape profile at [Ca] or [SO4] = 0.05m,
even higher [Na2SO4] will increase the solubility, while even higher [CaCl2] will decrease the
solubility at T≤85°C.
Table 3.3. Source of common ion solubility data used to characterize Ca: SO4 interaction
Mineral T/K P/bar
system-H2O
No.
Reference
Common ion
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Anh

115
230

2
25

Ca-SO4-Na-Cl

78

Deng 2018

Ca<1.33m

Anh

50
80
150
200
150
200
25
80
25

1
1
5
15
5
15
1
1
1

Ca-SO4-Cl

12

Ca<1.5m

Ca-SO4-Na

20

Ca-SO4-K

7

Ca-SO4-Cl

60
16

25
250

35
1388

Ca-SO4-Na-Cl
Ca-SO4-Mg-Cl
Ca-SO4-Cl
Ca-SO4-Na
Ba-SO4-Na-K-Mg-Ca-Cl

Li & Demopoulos
2005
Freyer & Voigt
2004
Freyer & Voigt
2004
Li & Demopoulos
2005
Tanji 1969

16

Shi, et al. 2012

Anh
Anh
Gyp
Gyp

Bar

SO4<1.12m
SO4<1.33m
Ca<2.06m
Ca<0.05
SO4<0.05

Ca<0.55m

3.2.5 All solubility data included in this study
Solubility database for gypsum, anhydrite, celestite, and barite are listed in Table 3.4.
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Property

Sol, Anh
Sol, Anh
Sol, Anh
Sol, Anh
Sol, Anh
Sol, Anh
Sol, Anh
Sol, Anh
Sol, Anh
Sol, Anh
Sol, Anh
Sol, Gyp
Sol, Gyp
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Table 3.4 Solubility data of Anhydrite, Gypsum, Barite, and Celestite with both Ca and SO4 ion in the system
T/K P/bar
I
system-H2O
No. of
Reference
Note
(mol/kg
data
H2O)
96
2
0.0016
Ca-SO4
50
Dickson, Blount & Tunell
221 1010
0.0056
1963
73
6
0.036
Ca-SO4-Na-Cl
89
Blount & Dickson 1969
248.5 1410
6.36
115
2
0.3
Ca-SO4-Na-Cl
78
This work
Common ion
230
25
4.12
Ca<1.33m
100
1
1.84
Ca-SO4-Na-Cl
55
Freyer & Vogit 2004
200
15
8.26
150
5
0.94
Ca-SO4-Na
20
Freyer & Vogit 2004
Common ion
200
15
3.36
SO4<1.12m
150
5
0.83
Ca-SO4-K
7
Freyer & Vogit 2004
Common ion
200
15
3.97
SO4<1.33m
50
1
0.23
Ca-SO4
5
Hill & Wills 1938
Common ion
75
1
1.09
SO4<0.36
50
1
0.17
Ca-SO4-Cl
12
Li & Demopoulos 2005
Common ion
80
1
4.70
Ca<1.5m
98
1
0.002
Ca-SO4
31
Partridge & White 1929
198
15
0.02
65
1
0.03
Ca-SO4
6
Power, Fabuss & Satterfield
85
1
0.63
1966
220
16
0.0005
Ca-SO4
3
Templeton & Rogers 1967
250
40
0.002
25
1
0.05
Ca-SO4-Na-Cl
25
Block & Waters 1968
Common ion
85
1
4.29
SO4<1.5m
30
1
0.06
Ca-SO4
43
Blount & Dickson 1973
83.5 1010
0.14

Sol, Gyp
Sol, Gyp
Sol, Gyp
Sol, Gyp
Sol, Gyp

0
40
25
80
0.5
110
25
95
25

1
1379
1
1
1
1
1
1
1

Sol, Bar

25

1

Sol, Bar

25
250
25
125

35
1388
1
2

Sol, Bar
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0.05
4.39
0.19
6.18
0.04
6.60
0.05
0.68
0.35
0.06

0.01
3
0.01
2
0.03
4.43

Ca-SO4-Na-Cl

60

Dai, Kan, Zhang et.al. 2014

Ca-SO4-Cl

60

Li & Demopoulos 2005

Ca-SO4-Na-Cl

133

Ca-SO4-Na-Cl

18

Ca-SO4-Na-Cl
Ca-SO4-Mg-Cl
Ca-SO4-Cl
Ca-SO4-Na;
Ca-SO4-Mg
Ba-SO4-Ca

16

Marshall, Slusher & Jones,
1964
Power, Fabuss & Satterfield
1966
Tanji 1969

8

Collins & Davis 1971

Ca<0.5m

Ba-SO4-Na-K-Mg-CaCl
Sr-SO4-Na-Mg-Ca-Cl

16

Shi, Kan, Fan et al. 2012

Ca<0.55m

109

Vetter 1983

Ca<0.45m

Common ion
Ca<2.06m

Common ion Ca<0.05
Common ion
SO4<0.05

3.3 Regression analysis
3.3.1 Review of virial coefficient pertinent to current fitting
The problem with Pitzer models is that while binary unlike charges ion interaction is
generally well defined, other like-charged parameters and triple ion-interaction parameters are not
well defined. Literature parameters often conflict with each other. For example, Pabalan & Pitzer
(1987) assign 𝜃(𝐶𝑙, 𝑆𝑂4) = 0.03, while Moller (1984) give 𝜃(𝐶𝑙, 𝑆𝑂4) = 0.07 below 150oC
and temperature dependence above 150oC. These differences reflect the facts that many literatures
given Pitzer coefficients only fit to the dataset the author included, such dataset may be outdated,
or most of the time incomplete.
Current study includes data in the system Na-K-Mg-Ca-Cl-SO4-H2O. It is important to
realize that fitted Ca-SO4 interaction parameters and other ion-ion interaction parameters are interdependent to each other, so it is desirable to state clearly which literature ion-ion interaction
parameters are used in this study.
Table 3.5 listed important binary system studied in the literature. Multiple authors may
contribute to parameterization of one system, but only those included in current study are listed.
Figure 3.5 plotted pertinent ion-ion interaction parameters with T/P related with this study.
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Table 3.5 Binary alike charged Ion-Ion interaction parameters characterized in the literature.
Na+
Pitzer, Peiper &
Busey 1984
300°C, 1000bar

K+
Pabalan &
Pitzer 1988
300°C, 500bar

Mg+2
Holmes &
Mesmer 1996,
250°C, 400bar

SO4-2

Pabalan &
Pitzer 1988
300°C, 200bar

Holmes &
Mesmer 1986,
225°C, PSAT

Phutela &
Pitzer 1986,
200°C, 20bar

HCO3-

Polya, Woolley,
Simonson &
Mesmer. 2001,
250°C, 400bar

He & Morse
1993,
90C, 1bar

He & Morse
1993,
90C, 1bar

De Visscher et
al 2012,
250°C, PSAT

CO3-2

Polya, Woolley,
Simonson &
Mesmer. 2001,
250°C, 400bar

He & Morse
1993,
90C, 1bar

Insensitive

Insensitive

CO2(aq)

Duan & Li 2008

He & Morse
1993,
90C, 1bar

He & Morse
1993,
90C, 1bar

De Visscher et
al 2012,
250°C, PSAT

OH-

Homes &
Mesmer 1998,
170°C, PSAT

Homes &
Mesmer 1998,
170°C, PSAT

Ion-Ion
Cl-

-

Br
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Homes &
Mesmer 1998

Ca+2
Holmes et.al.
1994,
250°C, 400bar

Sr+2
Holmes &
Mesmer 1997,
250C, PSAT

Ba+2
Holmes &
Mesmer 1997,
250C, PSAT

Insensitive

Insensitive

Insensitive

Insensitive

Fe+2

Figure 3.5 (a). Na-Cl interaction parameter, from Pitzer, Peiper & Busey 1984

Figure 3.5 (b) Ca-Cl interaction parameter, from Holmes et. al. 1994. Pressure dependence at
P>400bar improved by Dai and Kan, 2015.
93

Figure 3.5 (c). K-Cl interaction parameters. Pabalan & Pitzer 1988. Pressure dependence at
P>400bar improved by Dai and Kan, 2015.

Figure 3.5 (d). Na-SO4 interaction parameters. Pabalan & Pitzer 1988. Pressure dependence at
P>200bar was improved by Dai and Kan, 2015.
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Figure 3.5 (e). Mg-SO4 interaction parameters. Phutela & Pitzer 1986. Pressure dependence at
P>20bar improved by Dai and Kan, 2015. (Archer & Rard 1998 gives more “improved” results).

Figure 3.5 (f). Ca-SO4 interaction parameters in current SSP. Improved by Dai & Kan 2015.
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Figure 3.5 (g). Some important binary like-charged ion-ion interaction parameters. 𝜽𝑵𝒂−𝑪𝒂 and
𝝋𝑵𝒂𝑪𝒂𝑪𝒍 improved by Dai & Kan 2015. 𝝋𝑵𝒂𝑪𝒍𝑺𝑶𝟒 and 𝜽𝑪𝒍𝑺𝑶𝟒 given by Pabalan & Pitzer 1988.
𝜽𝑪𝒍,𝑺𝑶𝟒 = 𝟎. 𝟎𝟑; 𝝍𝑪𝒍,𝑺𝑶𝟒 ,𝑵𝒂 = −𝟎. 𝟎𝟏𝟔𝟗𝟓𝟖 +
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𝟑.𝟏𝟑𝟓𝟒𝟒
𝐓

𝟏𝟑𝟏𝟐𝟓𝟒

+ 𝟎. 𝟎𝟎𝟎𝟎𝟐𝟏𝟔𝟑𝟓𝟐 𝐓 − (𝟔𝟒𝟕−𝐓)𝟒

3.3.2 Linear properties of the Pitzer equations
The Pitzer model is linear to the empirical ion-ion interaction terms, 𝐵𝑐𝑎 , 𝛷𝑐𝑐′ , 𝛷𝑎𝑎′ ,𝐶𝑐𝑎 .
𝛹𝑐𝑎𝑎′ , and 𝛹𝑐𝑐′𝑎 . Here “linear” means that for a given thermodynamic data, temperature, pressure,
as wells as molality of each constituent are always known, the terms before these empirical terms
become simply a scaling factor, while the Debye-Huckel term 𝑓(𝐼) becomes a constant.
The empirical ion-ion interaction terms also change with temperature and pressure, if we
also select a linear basis function for each empirical term, for example, a simple polynomial form
for 𝐵𝑐𝑎 ,
𝐵𝑐𝑎 = 𝑓(𝑃, 𝑇) = 𝑧1 + 𝑧2 ∗ 𝑇 + 𝑧3 ∗ 𝑇 2 + 𝑧4 ∗ 𝑇 3 + 𝑧5 ∗ 𝑃 + 𝑧6 ∗ 𝑃2 + 𝑧7 ∗ 𝑃 ∗ 𝑇

(3.51)

Then the model is also linear to the empirical terms 𝑧𝑖 . The objective then is to estimate
these coefficients based on existing data. Obviously, there exist many choices of the form of basis
function, often in the regression analysis one needs to tailor the format of 𝑓(𝑃, 𝑇), as well as the
number of unknown coefficients, to avoid under-determined regression or over-determined
regression.
For a complex model with hundreds of empirical ion-ion interaction terms, the linear
structure of Pitzer’s model offers a great convenience to estimate the empirical Pitzer ion-ion
coefficients with the aid of the computer. The workload would be much heavier if Pitzer’s model
is non-linear.
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3.3.3 Linear regression of viral coefficients in Pitzer’s model
Take density data as an example, the exact format of density in the model, although
complex in its nature, can be roughly presented by the following form,
𝑓𝑖𝑡

𝑘𝑛𝑜𝑤𝑛

𝑅ℎ𝑜 = ∑ 𝑎𝑖 ∗ 𝑞𝑖 + ∑ 𝑎𝑗 ∗ 𝑧𝑗
𝑖

(3.52)

𝑗

Here, the first term on the left are the linear terms related with the unknown coefficients
𝑧𝑖 , they need to be estimated. The second term on the right are the linear terms related with the
known coefficients, such as the 𝐵𝑁𝑎,𝐶𝑙 , 𝐶𝑁𝑎,𝐶𝑙 , 𝐵𝐶𝑎,𝐶𝑙 , 𝐶𝐶𝑎,𝐶𝑙 discussed above, they can be treated
simply as constants.
First is to calculate the second term. Assume all 𝑧𝑖 to be zero, then use the Matlab function
“PitzerDensity.m” to calculate ∑𝑘𝑛𝑜𝑤𝑛
𝑎𝑗 ∗ 𝑧𝑗 . Then,
𝑗
𝑘𝑛𝑜𝑤𝑛

𝑌 = 𝑅ℎ𝑜 − ∑ 𝑎𝑗 ∗ 𝑧𝑗

(3.53)

𝑗

Second is to calculate the scaling factor 𝑎𝑖 in the first term. For each data, although 𝑎𝑖 can
be calculated one by one, since they are simply products of two or three concentrations, it becomes
tedious for a large set of data. To calculate it automatically, use differentiation of 𝑅ℎ𝑜 with respect
of each 𝑞𝑖 . In practice, use the function “PitzerDensity.m” to calculate 𝑅ℎ𝑜 to an initial 𝑞𝑖 ∗ (1 +
0.001) and 𝑞𝑖 ∗ (1 − 0.001), then
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𝑎𝑖 =

𝑅ℎ𝑜+ − 𝑅ℎ𝑜−
2 ∗ 0.001 ∗ 𝑞𝑖

(3.54)

Repeat this until each scale factor 𝑎𝑖 is calculated.
Third, a set of equation for all the density data in a matrix form can be presented by,
𝑎11
𝑎21
𝑎31
⋮
⋮
⋮
[𝑎𝑁1

𝑎12
𝑎22
𝑎32
⋮
⋮
⋮
𝑎𝑁2

𝑎13
𝑎23
𝑎33
⋮
⋮
⋮
𝑎𝑁3

⋯ 𝑎1𝑀
… 𝑎2𝑀
… 𝑎3𝑀
⋱
⋮ ∙
⋱
⋮
⋱
⋮
⋯ 𝑎𝑁4 ]

𝛿1
𝑌1
𝑞1
𝑌2
𝛿2
𝑞2
𝑌3
𝛿3
𝑞3 = ⋮ + ⋮
⋮
⋮
⋮
[𝑞𝑀 ]
⋮
⋮
[𝑌𝑁 ] [ 𝛿𝑁 ]

(3.55)

Here an extra subscript is added to each 𝑎𝑖 and 𝑌, to ascribe the number of data. M is the
total number of 𝑞𝑖 to be estimated, N is the total number of data, the residuals are represented by
𝛿𝑖 .
Finally, when combining multiple data types, the uncertainty of each data needs to be
addressed by the term 𝜎𝑖 .Often this information is unavailable in literature, so a reasonable
estimation of each data uncertainty is given. The source of uncertainty can be a combination of
uncertainty due to limit of detection (LOD) and uncertainty due to reproducibility, the former is
significant when the measurement value is small and close to the detection limit, the latter is
different among different data types. For example, a 10% measurement reproducibility for
solubility data is reasonable, compared to a 1.5% uncertainty of the osmotic coefficient of H2O.
Since this process is somewhat arbitrary, it has some minor impact on the regression results.
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The uncertainty of each data is calculated by,
𝜎𝑖 = √𝐿𝑂𝐷2 + (𝑟𝑒𝑝𝑟𝑜𝑑𝑢𝑐𝑖𝑏𝑖𝑙𝑖𝑡𝑦 ∗ 𝑣𝑎𝑙𝑢𝑒)2

(3.56)

As an example, if a solubility measurement of barite gives [BaSO4] = 1e-6 mol/kg, LOD
=

1e-7

mol/kg,

while

the

data

has

5%

experimental

reproducibility,

𝜎𝑖 =

√(10−7 )2 + (5% ∗ 10−6 )2 , in this case, because the measured value is close to its detection limit,
the value would be expected to carry large relative uncertainty.
The final matrix form for multi-variate linear regression is,
𝑎11
𝜎1
𝑎21
𝜎2
𝑎31
𝜎3
⋮
⋮
⋮
𝑎𝑁1
[ 𝜎𝑁

𝑎12
𝜎1
𝑎22
𝜎2
𝑎32
𝜎3
⋮
⋮
⋮
𝑎𝑁2
𝜎𝑁

𝑎13
𝜎1
𝑎23
𝜎2
𝑎33
𝜎3
⋮
⋮
⋮
𝑎𝑁3
𝜎𝑁

𝑎1𝑀
𝜎1
𝑎2𝑀
…
𝜎2
𝑎3𝑀
…
𝜎3 ∙
⋱
⋮
⋱
⋮
⋱
⋮
𝑎𝑁𝑀
⋯
𝜎𝑁 ]
⋯

𝑌1
𝜎1
𝑌2
𝛿1
𝑞1
𝛿2
𝜎2
𝑞2
𝛿3
𝑌3
𝑞3 = 𝜎 + ⋮
3
⋮
⋮
⋮
[𝑞𝑀 ]
⋮
⋮
[ 𝛿𝑁 ]
⋮
𝑌𝑁
[𝜎𝑁 ]

(3.57)

In our analysis, N=1531, while M ranges from 10-50. The above matrix format can also be
simplified to,
𝐴∗𝑞 =𝑌+𝛿

(3.58)

Where A is the N-by-M “design matrix”, q is the N-by-1 “coefficient vector” to be
estimated, Y is the “response vector”, 𝛿 is the “residual vector”.
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3.3.4 Multivariate linear regression using Matlab
The “fitlm” function in Matlab-2018 are used in current analysis, another function
“robustfit” can also be applied to use robust fit, but to be cautious to weight or exclude data, still
ordinary linear regression is applied using the command “fitlm”, this means data are given the
same weight, if any data shows large relative residual, it is important to also investigate the original
literature before excluding it from analysis.
A simple Matlab code can finish the regression in a few seconds,
mdl = fitlm(MatDesign,MatResponse,'Intercept',false);

The output structure “mdl” gives results of regression, the most important results are the
“mdl.RMSE”, “mdl.CoefficientCovariance” and the “mdl.Coefficients”. These serve as the basis
to evaluate the regression results.
The regression results need post-evaluation, to ensure “reasonable” smoothness of the
Pitzer ion-ion parameters. Being “reasonable” means at the temperature range from 0°C to 250°C,
Pitzer ion-ion interaction parameters should have less than two stationary points (local maximum
or minimum), this is based on the fact that thermodynamic properties change smoothly in this onephase region.
3.3.5 Verify the θ (Na-Ca) and ψ(Na-Ca-Cl) term by measuring halite solubility
Halite solubility data in calcium chloride solution at high temperature serves as a good test
to the Pitzer Ф(Na-Ca) term. The solubility of halite is measured by dissolving halite and calcium
chloride dihydrate in a fixed amount of water, and record the temperature when the particles are
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dissolved by either naked eye (below 150°C in glass reactor and oil bath) or by laser turbidity
signal change (above 150°C in modified laser-hydrothermal apparatus in GC-Oven).
The accuracy of these data relies on temperature control and accuracy of determine
equilibrium temperature. For the glass reactor (T<150°C) the oil bath temperature can be
controlled to be ±0.4°C, this is verified by placing a thermocouple into oil bath and observe the
temperature variation at certain temperature, the temperature of dissolution was recorded by a
NIST certified ±0.1 °C thermometer with a gradient of 1°C, the last digit of temperature is an
estimation and the uncertainty of reading is about ±0.2 °C. The thermometer is not placed inside
the solution with concern of halite depositing on the thermometer surface, and is placed near the
50ml ACE glass pressure tube (reactor) in the oil bath, which might also give a small temperature
discrepancy between solution and thermometer. The above analysis gives uncertainty of the
equilibrium temperature ±1°C below 150°C.
For the laser-hydrothermal reactor above 150°C and below 200°C the oven can control
temperature to ±1.0°C. Since the dissolution of particles inside the reactor is monitored by laserturbidity change, when the turbidity drops to zero, dissolution equilibrium is considered achieved.
This method would not be sensitive to observe dissolution of tiny particles, so there might be a
bias between experimental zero turbidity temperature and the “true” equilibrium temperature, this
bias of equilibrium is estimated to be slightly negative and within 1°C, to verify such bias, solution
of the same composition (6.460m NaCl, 0.502m CaCl2) was measured by both methods, the
hydrothermal apparatus gives value of 149.0°C, while the glass reactor gives value of 148.5°C,
suggesting that such bias might be small and also demonstrating good reproducibility between

102

different methods. The overall accuracy of the laser-hydrothermal apparatus is estimated to be
±2°C, this roughly pertains to an uncertainty of ±0.7% solubility.
Table 3.6 Measured halite solubility in CaCl2 solution at temperature from 100-200°C
[NaCl]
(m)

[CaCl2]
(m)

Particle dissolved
Temperature (°C)

SSP-2019
Degree of saturation
10^SI

6.536

0.255

126.0

1.0082

6.460

0.502

148.5

1.0065

5.506

0.993

131.9

1.0221

5.008

1.494

143.5

1.0291

4.199

2.000

135.1

1.0593

2.996

2.982

132.5

1.1098

7.973

0

198

1.0083

6.46

1.0

188

0.9907

6.000

1.500

195

0.9830

5.50

2.0

198

0.9765

6.460

0.502

149

By hydrothermal-laser
method

Table 3.7 Measured halite solubility in MgCl2 solution at temperature from 100-200°C
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[NaCl]
(m)

[MgCl2]
(m)

Particle dissolved Temperature
(°C)

SSP-2019
10^SI

6.010

0.509

121.2

1.0109

5.187

1.005

122.5

1.0092

4.501

1.500

130.5

1.0120

4.515

1.502

128.0

1.0382

2.514

3.013

135.6

1.0515

The data serves as a good test to binary interaction of Na-Cl, Ca-Cl, Mg-Cl, unsymmetrical
mixing terms of Na-Ca and Na-Mg, as well as tertiary terms of Na-Ca-Cl and Na-Mg-Cl. The NaCl, Ca-Cl, Mg-Cl terms, and its temperature dependence within 250°C is well established by Pitzer
and his coworkers, as well as H.F. Holmes and his coworkers. The term of θ (Na-Ca) and ψ(NaCa-Cl) has a temperature and pressure dependence and is taken from Dai et al. (2015), Ф(Na-

Mg)=0.07 and ψ(Na-Mg-Cl)=-0.008 is taken from Harvie, Moller and Weare (1980).
For the Na-Ca-Cl system, the mean activity coefficient of NaCl is calculated by,

𝑙𝑛𝛾𝑁𝑎𝐶𝑙 = 𝐹 +

𝑚𝐶𝑙 + 𝑚𝑁𝑎
(2𝐵𝑁𝑎,𝐶𝑙 + 𝑍𝐶𝑁𝑎,𝐶𝑙 )
2

+

𝑚𝐶𝑎
(2𝐵𝐶𝑎,𝐶𝑙 + 𝑍𝐶𝐶𝑎,𝐶𝑙 ) + 𝑚𝐶𝑎 (θNaCa + 𝐸𝜃 )) + 𝑚𝑁𝑎 𝑚𝐶𝑙 𝐶𝑁𝑎,𝐶𝑙
2

(3.59)

+ 𝑚𝐶𝑎 𝑚𝐶𝑙 𝐶𝐶𝑎,𝐶𝑙 + (𝑚𝐶𝑎 𝑚𝐶𝑙 + 𝑚𝑁𝑎 𝑚𝐶𝑎 )𝜓𝑁𝑎𝐶𝑎𝐶𝑙
Where,
𝑍 = (𝑚𝐶𝑙 + 𝑚𝑁𝑎 + 2𝑚𝐶𝑎 )

𝐹 = −𝐴𝜙 (

√𝐼
1 + 1.2√𝐼

+

2
𝑑𝐵𝐶𝑎,𝐶𝑙
𝑑𝐵𝑁𝑎,𝐶𝑙
ln(1 + 1.2√𝐼)) + 𝑚𝐶𝑎 𝑚𝑐𝑙
+ 𝑚𝑁𝑎 𝑚𝑐𝑙
1.2
𝑑𝐼
𝑑𝐼

𝑑 𝐸𝜃
+ 𝑚𝑁𝑎 𝑚𝑐𝑎
𝑑𝐼
θNaCa contributes to 𝑙𝑛𝛾𝑁𝑎𝐶𝑙 by the term 𝑚𝐶𝑎 θNaCa, at 150°C, PSAT and 1m [Ca] this value
is about 0.148×1.0 = 0.148 and is significant. ψ(Na-Ca-Cl) contribute to 𝑙𝑛𝛾𝑁𝑎𝐶𝑙 by the term
(𝑚𝐶𝑎 𝑚𝐶𝑙 + 𝑚𝑁𝑎 𝑚𝐶𝑎 )𝜓𝑁𝑎𝐶𝑎𝐶𝑙 , at 150°C, PSAT and 6m Na 1m Ca 8m Cl, this value is about 0.0207×(8+6) = -0.29 and is also significant.
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In table 3.6, and table 3.7, the calculated saturation index (SI) based by equation 3.59 is
given. When [Ca] < 1.0m or [Mg] < 1.0 m, the calculated 10SI lies between 0.98 and 1.02, which
roughly pertains to a 1.0% difference of predicted halite solubility versus measured solubility at
temperature <200oC, this is close to experimental uncertainty. Therefore, the above common ion
solubility data (halite in CaCl2 solution) is a verification of θNaCa and ψ(Na-Ca-Cl) when [Ca] <
1.0m. Current values would be used in further fitting.
3.3.6 Regression results
After the regression, a direct comparison of predicted solubility versus experimental data
serves as a standard to evaluate the model. Figure 3.6 and Figure 3.7 shows that predicted solubility
correlates with data very well at both high sulfate and high calcium conditions.

0.02

CaSO4 (m)

0.015

0.01

0.005

0
0

0.2

0.4

0.6
Na2SO4 (m)
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1

Figure 3.6. Predicted solubility of gypsum (upper curves) and anhydrite (lower curves) in Na2SO4
solution (<1 m) at various temperatures, compared with experimental data. The upper solid line
with Circles, 25°C, Long-dashed line with Triangle, 55°C, Short-dashed line with Square, 85°C.
The lower solid line, 125°C, Long-dashed line with Triangle, 150°C, Short-dashed line, 200°C.
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CaSO4 (m)

0.012

0.008

0.004

0
0

0.2

0.4
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0.8

1

CaCl2 (m)

Figure 3.7. Predicted solubility of gypsum (upper curves) and anhydrite (lower curves) in CaCl2
solution (<1 m) at various temperatures, compared with experimental data. The upper solid line
with Circle, 25°C, Long-dashed line with Triangle, 55°C, Short-dashed line with Square, 85°C.
Bottom, Solid line, 125°C, Long-dashed line with Triangle, 160°C, Short-dashed line, 200°C
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Chapter 4

Barite nucleation and inhibition study at
temperatures below 250oC

This chapter is revised based on the published paper: Deng, G., Kan, A. T., Zhang, F., Lu, A. Y.,
& Tomson, M. B. (2019, March 29). Novel Laser-Hydrothermal Apparatus for Nucleation and Inhibition Study of
Scale Minerals at Temperatures up to 250°C. Society of Petroleum Engineers.

Abstract
Understanding mineral nucleation and crystal growth at temperature higher than 150oC is
experimentally challenged. In this work, a new laser-hydrothermal apparatus is designed to
evaluate nucleation of barite at temperature below 250°C, its reliability is proven by measuring
induction time (tind) of saturation index (SI) values between 0.34 to 1.02 at temperatures from 90°C
to 250°C, decrease of tind with both SI and T was observed. Inhibition efficiency of polyvinyl
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sulfonate (PVS) and sulfonated carboxylate copolymer (SCC) was evaluated at T=200oC,
induction time increase with inhibitor concentration and decrease with SI, a trend consistent with
their inhibition efficiency at low temperature.

4.1 Introduction
To understand the nucleation, precipitation and deposition process of scale minerals and
how certain chemical additives can enhance or inhibit this process is key for scale control in
multiple industrial processes. Scale control in oil & gas well is more challenging than other
processes such as cooling water circulation, membrane filtration or wastewater treatment because
oil well brines exist in a broader pressure-temperature-composition spectrum. At HPHT, or high
TDS condition, theoretical understanding of common scale formation in brine, such as calcite,
barite, and gypsum is poor, one striking fact is that even the thermodynamic part of this problem,
the solubility prediction of concentrated electrolytes at high temperature, is largely uncertain and
still relies heavily on data acquisition and empirical modeling (Rowland 2015).
Thus, high-temperature related scale research is largely experimental, multiple
experimental procedures have been designed to examine the scale formation kinetics under such
condition. In general, they fall into three categories,
1. The dynamic-loop flow test. Such an apparatus mimics the flow condition in oil well by
continuously injecting feed brine into a small tubing and monitoring the blocking time by
differential pressure (dP) change (Oddo and Tomson, U.S. Patent 5,370,799). Comparison of the
blocking time was used to screen scale inhibitor for certain brine. This method was customized to
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examine barite nucleation and inhibition at temperature up to 200°C (Fan, 2011), yet its practical
adaptivity comes with cost of general understanding of its results. The time of blocking a tubing
involves the process of nucleation (in bulk or on surface), crystal growth and attachment to the
surface (deposition), thus results cannot be theoretically interpreted, also the semi-quantitative
results, yes/no of blocking for certain concentration of inhibitors, strongly depends on the testing
condition, such as coil dimension and material (Graham 2002). At temperature higher than 100oC,
the corrosion risk of metal tubing (often stainless steel or carbon steel) by the flowing brine also
interfere with the results.
2. The static deposition method. Supersaturation was initiated in a mixed reactor and
samples in the liquid phase were taken over time to evaluate the deposition amount, usually
between 2 to 24 hours. This method is more lab-based, as continuous observation of the solution
composition is possible. Most operating temperatures are below 100°C, using glass containers as
reactors. The method takes more time and work and is accepted as a NACE standard procedure
for scale inhibition evaluation (NACE standard TM 0197-97).
3. The turbidity-induction time method. The same supersaturation as above was initiated,
but only the turbidity was monitored, either by traditional turbidimeter or shining a laser through
solution and monitoring scattered laser signal. The induction time was recorded when a significant
drop of the light signal was observed. The advantage of this method is that the observation has no
interference with the kinetic process, and it is much less labor-intensive. Thus, it is convenient to
systematically evaluate the induction time under different saturation levels and temperatures, with
and without inhibitor. This method is versatile and had been applied to barite, gypsum, calcite,
anhydrite research by a standard procedure, and all the data was combined to propose a semi109

empirical model (Dai 2018). Currently such a model still suffers for its accuracy and theoretic
basis, but it serves as a first time as a mathematic framework to compare different inhibitors’
efficiency to certain minerals, and as a reference to determine the minimum inhibitor concentration
(MIC) when combined with field experience.
In previous research, laser apparatus was developed to replace turbidimeter for systematic
evaluation of induction time of barite under various SI values, Ba/SO4 ratios, inhibitor
concentrations, and pH, from 4°C to 70°C (Yan 2015). Later researchers pushed this temperature
limit up to 150°C to examine both barite and anhydrite scaling risk (Zhang 2014, Zhang 2017).
Previous laser apparatus use glass reactor, this prevents its use at even higher temperature. In this
research, we customize the apparatus by incorporating several new designs and demonstrate its
robustness to investigate barium sulfate nucleation kinetics at temperature up to 250°C, with the
purpose that such a method could be developed into both a lab and industrial approach for scale
risk evaluation.

4.2 Experimental method
4.2.1 Hydrothermal reactor
Figure 4.1 (left) shows the schematic diagram of the laser-turbidity hydrothermal reactor.
Briefly, this apparatus consists of an autoclave equipped with two sight glass windows on both
sides, laser light (532nm, green) go through the sight windows to monitor any turbidity change in
the solution placed inside the autoclave.
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Fig. 4.1 Schematic diagram of laser-hydrothermal apparatus (left, inside the reactor, right,
injection/mixing following an HPLC approach)

The pressure-proof reactor (500ml, OFITE aging cell) can withstand temperature up to
260°C, with a Teflon O-ring to seal the pressure with a limit of 2000 psi. A GC oven (HP-5890)
provides the heat source, the oven temperature can be calibrated with a thermometer, with an
accuracy of ±0.5°C below 150°C and ±1°C below 250°C. Two sight windows (Metaglas, ½’’ NPT,
borosilicate) were installed, one on each side of the reactor wall for laser path by drilling two NPT
threaded holes. Inside the reactor, a custom-sized borosilicate glass bottle (260ml, ACE glass) was
used as a solution container, as direct contact of the solution with the stainless steel at high
temperature will cause serious corrosion problems. The space between the glass bottle and the
reactor was partially filled with about 10 ml silicone fluid, this fluid will protect the sight window
from being stained by long periods of heat exposure. The green laser module setup is similar with
previous research (Yan 2015), though in this experiment laser beam needs to pass through four
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extra holes consecutively (two on both sides of the oven and two on the sight windows), therefore
the light signal received was weakened, though enough for monitoring turbidity change.
4.2.2 Injection and mixing
In a typical laser-turbidity experiment, “cation solution” bearing BaCl2 and “anion solution”
bearing Na2SO4 was mixed at a certain temperature to establish the initial supersaturation. In
previous design with temperature limit of 150°C, such mixing was performed by placing a small
glass vial inside a bigger glass reactor, the cation solution was placed in the small vial while the
anion solution was placed outside the vial. When the system was heated and reaches a certain
temperature, the reactor was rotated topside down to mix both solutions (Zhang 2017). When
temperature goes even higher to 250°C, it is impractical to rotate the apparatus because of safety.
Figure 4.1 (right), shows the injection and mixing technique in the current design. The
injection of the cation solution and anion solution follows an HPLC approach. Before the
experiment, 0.5 ml of concentrated cation and anion solution were loaded separately into sample
loops of two switch valves (Valco Cheminert) at room temperature. When the solution inside the
autoclave reaches the target temperature, the switch valves changed to injection mode, and two
separate HPLC pumps (GE Pharmacia P-500) pushed the cation/anion solution into the reactor.
The end of the one injection tubing was positioned in the upper portion of the solution, while
another tubing in the lower portion, to ensure that concentrated cationic/anionic solution injected
was diluted before they contact and react with each other.
Commercial autoclave usually was installed with a magnetically coupled propeller inside
the autoclave to mix the solution, this is not practical for high-temperature nucleation experiment,
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as the propeller would provide extra surface for nucleation. In this experiment, effective mixing
was achieved by placing a regular stir bar inside the solution and a modified magnetic stirrer under
the oven. The stirrer (Fisher Scientific) top plate was removed, and two NdFeB magnets adhered
onto the two original magnets of the stirrer; these two modifications, one reduces the distance
between stirrer and stir bar, the other enhances the magnetic coupling between them, ensure
effective mixing even when high temperature weakens the magnetic coupling. The mixing rate
was fixed to be about 175 rpm during all experiments.
4.2.3 Corrosion control
Either water vapor or saline water is corrosive to stainless steel at high temperatures. The
inner surface of the reactor is coated with a thin layer (~0.1 micron) of PTFE to reduce corrosion
by water vapor. Tubing material exposed to heat is made of Hastelloy C 276 except the end tubing
which directly contacts the solution. It was observed in the preliminary experiment that corrosion
of Hastelloy C 276 tubing will turn 1m NaCl solution into visible green color if heated for 4 hours
at 200°C. When titanium tubing was used instead, the solution did not see visible color change
but pitting corrosion points were visible on the tubing surface after long periods of use. Both
dissolution of metal ions and surface pitting can interfere with nucleation, so the end tubing
material was selected to be PFA (Perfluoro alkoxy) instead of metal. These two PFA tubing (1/8’’
OD, 0.062’’ ID) were simply sleeved onto the Hastelloy C tubing (1/16’’ OD) with no firm
connection (Figure 4.1, left), such that it can be replaced easily with new PFA tubing for each
experiment.

113

4.2.4 Chemicals
NaCl (>99%, Sigma-Aldrich), CaCl2· 2H2O (>99%, Fisher Scientific), BaCl2· 2H2O
(>99%, Sigma-Aldrich) and Na2SO4 anhydrous (>99.7%, Fisher Scientific) was used to prepare
the cation and anion solution. 1 m NaCl and 0.025 m CaCl2 were prepared as the brine background.
No pH buffer was used in this study. All solution was filtered through 0.45 µ filter and aged for at
least 24 hours before use.
As the custom borosilicate bottles need to be reused for the following experiments, extreme
care was taken to ensure the bottle was not contaminated by barium sulfate deposits on its interior
surface. After each experiment, the bottle was immediately cleaned and dried and then filled with
about 150 ml concentrated sulfuric acid (98.5%) and stir vigorously for about 24 hours to dissolve
possible BaSO4 deposits. Concentrated sulfuric acid is effective to dissolve barite, the effect can
be observed visually on the glass interior surface, that the thin patch of white deposits slowly
disappeared after the dissolution. The bottle was then immersed in 10% nitric acid before dried for
use.
4.2.5 Procedure
In each experiment, about 175ml background solution (1m NaCl, 0.025m CaCl2) was
placed inside the reactor, temperature of the solution reached target temperature after about 2 hours
of heating, this is confirmed by a monitoring pressure gauge installed along the tubing, since the
vapor pressure change is sensitive to temperature change at high temperature. After that the system
is ready for injection of Ba2+ and SO42- bearing solutions, precalculated concentration of BaCl2
and Na2SO4 solution was loaded into the 0.5ml sampling loop and injected into the solution, with
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the target saturation index (SI) between 0.4 to 1.2 at temperature between 90°C and 250°C, this
saturation index (SI) was calculated using ScaleSoftPitzer with a barite prediction accuracy of ±0.1
SI, or better, by the following equation,

𝑆𝐼𝐵𝑎𝑟𝑖𝑡𝑒 = 𝑙𝑜𝑔10 (

[𝐵𝑎2+ ] ∗ [𝑆𝑂42− ] ∗ 𝛾𝐵𝑎2+ ∗ 𝛾𝑆𝑂42−
𝐵𝑎𝑟𝑖𝑡𝑒
𝐾𝑆𝑃

)

(4.1)

where [𝐵𝑎2+ ]and [𝑆𝑂42− ] is the molality of these two ions with units mol/kgw, 𝛾𝐵𝑎2+ and 𝛾𝑆𝑂42− is
the activity coefficient of these two ions calculated by the Pitzer-Debye-Hückel equation (Dai,
2015).
Figure 4.2 shows a typical laser signal (light current, mA) change with T=200°C and
SIBarite=0.82. The time to inject the cation and anion solutions was set to be t=0. Before injection,
the signal experience some variation but remains stable, this “noise” was caused by the vibration
of the autoclave when it is heated in the oven, such that the laser path maybe perturbated. After
injecting Ba2+ and SO42- ions into solution, the signal remains stable for a short period until at a
certain point it drops sharply. In most experiments, the signal was observed to drop to a minimum
until it increases slightly, what causes the increase is unknown, but could result from decreased
particle number concentration when small size barite particles aggregate.
The time interval between injection and the laser signal dropping point, deducting another
45 seconds, was considered as the induction time (tind). The 45 seconds is the time needed for the
0.5ml cation/anion solution to travel into the reactor after injection with a flow rate is 400 ml/min,
preliminary experiments confirmed about 90% recovery after 15 s of injection, and 100% recovery
after 45 s. Induction times that are shorter than 2 mins are not included for analysis because of
high uncertainty, induction times that are longer than 4 hours are also omitted.
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Figure 4.2. Raw laser signal at Barite SI 0.82, T=200C, with induction time determined to be 384
seconds

4.3 Results and discussion
4.3.1 Data validation
The “spontaneous nucleation” process was considered less reproducible comparing to
seeded crystal growth kinetics, reproducibility of induction time data will be impacted by many
detailed experimental conditions, such a vessel interior surface roughness, particle concentration
in the “pure” solution, stir rate, etc. Yet, thousands of induction time data at T<150°C from
previous research shows good reproducibility and internal consistency, especially when no
inhibitor was introduced into the system (Dai 2018).
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To validate the current method, in Figure 4.3, the results of barite induction time at 90°C
were compared with data from Zhang 2017. Both data shows a quasi-linear decrease of tind with
SI, results from this research is generally lower than previous research, with an average difference
of about 0.15 log(tind) unit. This discrepancy was discussed with the author of the above literature,
and it may be explained by the different mixing techniques (regular mixing and topside down
rotation), the difference in container sizes (260 ml and 50 ml).

4.5

log(tind /s)

4.0
3.5
3.0
90C, Zhang 2017
2.5

90C This study

2.0
0.5 0.6 0.7 0.8 0.9 1.0 1.1 1.2 1.3 1.4
Saturation index (SI)

Figure 4.3. Change of induction time (in log units of seconds) with saturation index of barite at
90°C. Data comparison of this research and previous research from Zhang 2017. Both methods
use laser-turbidity apparatus, with different mixing and injection techniques.

4.3.2 Induction time data above 90°C
Systematically determining the induction time of barite nucleation with different SI at high
temperatures is the main objective of this research. Table 1 lists all the data in this work.
Table 1. Induction time of barite nucleation in 1m NaCl, 0.025m CaCl2 (without pH buffer) at
temperatures from 90°C to 250°C.
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Temperature
[Ba2+]
[SO42-]
SI
tind
-3
/°C
(10 molal) (10-3molal) (SSP 2018) (mins) Log10(tind/s)
90
0.416
0.416
0.65
235.4
4.15
90
0.455
0.455
0.73
178.6
4.03
90
0.499
0.499
0.81
107.6
3.81
90
0.557
0.557
0.90
56.5
3.53
90
0.639
0.639
1.02
47.0
3.45
90
0.701
0.701
1.10
12.4
2.87
90
0.785
0.785
1.20
7.4
2.65
90
0.884
0.884
1.30
3.4
2.31
125
0.492
0.492
0.67
33.2
3.30
125
0.492
0.492
0.67
46.2
3.44
125
0.498
0.539
0.72
34.3
3.31
125
0.546
0.590
0.79
12.0
2.86
125
0.590
0.590
0.83
21.5
3.11
125
0.659
0.659
0.92
8.1
2.69
125
0.757
0.757
1.04
5.3
2.50
125
0.810
0.810
1.10
6.6
2.60
150
0.415
0.415
>1080
150
0.425
0.461
0.53
57.5
3.54
150
0.425
0.461
0.53
108.0
3.81
150
0.465
0.494
0.60
92.5
3.74
150
0.524
0.524
0.67
76.5
3.66
150
0.529
0.574
0.72
27.1
3.21
150
0.529
0.574
0.72
20.0
3.08
150
0.529
0.574
0.72
28.0
3.23
150
0.629
0.629
0.83
14.8
2.95
150
0.647
0.701
0.89
8.2
2.69
150
0.806
0.807
1.05
2.0
2.09
175
0.380
0.380
>400
175
0.431
0.431
>620
175
0.475
0.475
0.54
158.0
3.98
175
0.475
0.475
0.54
94.0
3.75
175
0.539
0.539
0.65
17.7
3.03
175
0.539
0.539
0.65
42.9
3.41
175
0.591
0.591
0.73
6.5
2.59
175
0.591
0.591
0.73
9.8
2.77
175
0.591
0.591
0.73
10.4
2.80
175
0.591
0.591
0.73
16.8
3.00
175
0.591
0.591
0.73
7.1
2.63
175
0.648
0.648
0.81
23
3.14
175
0.723
0.723
0.91
4.0
2.38
200
0.460
0.460
>430
200
0.507
0.507
0.55
242.0
4.16
200
0.507
0.507
0.55
71.0
3.63
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200
200
200
200
200
200
225
225
225
225
250
250
250

0.507
0.576
0.576
0.631
0.691
0.691
0.508
0.559
0.559
0.636
0.600
0.636
0.751

0.507
0.576
0.576
0.631
0.691
0.691
0.508
0.559
0.559
0.636
0.600
0.636
0.751

0.55
0.66
0.66
0.74
0.82
0.82
0.48
0.57
0.57
0.68
0.51
0.56
0.71

135.0
26.4
24.0
13.3
5.0
6.4
200
12.5
19.5
8
200.0
10.9
2.1

3.91
3.20
3.16
2.90
2.48
2.58
4.08
2.88
3.07
2.68
4.08
2.82
2.10

4.3.3 Analysis
Supersaturation serves as a driving force for nucleation and crystal growth, in a baritebrine-H2O system,
2−
2+
𝐵𝑎𝑎𝑞𝑢𝑒
+ 𝑆𝑂4,𝑎𝑞𝑢𝑒
→ 𝐵𝑎𝑆𝑂4,𝑠

(4.2)

driving force is the molar Gibbs free energy change of the reaction,
𝑎𝐵𝑎𝑆𝑂4,𝑠
)
∆𝐺𝑟𝑠𝑢𝑝𝑒𝑟𝑠𝑎𝑡𝑢𝑟𝑎𝑡𝑖𝑜𝑛 = −𝑅𝑇𝑙𝑛 (
𝑎𝐵𝑎2+∗ 𝑎𝑆𝑂42−

(4.3)

At equilibrium,

∆𝐺𝑟𝑒𝑞𝑢𝑖𝑙𝑖𝑏𝑟𝑖𝑒𝑢𝑚 = 0 = −𝑅𝑇 (

𝑎𝐵𝑎𝑆𝑂4,𝑠
)
0
0
𝑎𝐵𝑎2+ ∗ 𝑎𝑆𝑂4
2−

= −𝑅𝑇𝑙𝑛(

𝑎𝐵𝑎𝑆𝑂4,𝑠
)
𝐾𝑠𝑝𝐵𝑎𝑟𝑖𝑡𝑒

(4.4)

0
0
Where 𝑎𝐵𝑎
2+ and 𝑎𝑆𝑂42− is the activity of barium and sulfate ion at solubility equilibrium,

respectively. Combine the above two equations,
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∆𝐺𝑟𝑠𝑢𝑝𝑒𝑟𝑠𝑎𝑡𝑢𝑟𝑎𝑡𝑖𝑜𝑛 = −𝑅𝑇𝑙𝑛 (

𝑎𝐵𝑎2+ ∗ 𝑎𝑆𝑂42−
𝐵𝑎𝑟𝑖𝑡𝑒
𝐾𝑠𝑝

) = −2.303𝑅𝑇 ∗ 𝑆𝐼

(4.5)

Such that (SI*T) determines the driving force for nucleation & crystal growth process.
Temperature has impact kinetics by two folds, on one hand, SI*T determines the thermodynamic
driving force(−∆𝐺), on the other hand, higher temperature favors faster kinetics when −∆𝐺 is the
same. Faster kinetics means lower tind, therefore, tind is at least a function of both SI×T and T, both
with a negative dependence,

𝑡𝑖𝑛𝑑 = 𝑓((𝑆𝐼 ∗ 𝑇), 𝑇, … )

𝜕(𝑡𝑖𝑛𝑑 )
< 0;
𝜕(𝑆𝐼 ∗ 𝑇)

𝜕(𝑡𝑖𝑛𝑑 )
<0
𝜕𝑇 𝑆𝐼=𝑐𝑜𝑛𝑠𝑡

(4.6)

(4.7)

However, what is the exact function of tind=f (SI, T) for barite is a challenging question.
Roughly, two stages are involved during the induction time, the time for the nuclei number
concentration to increase (nucleation) and the time for some of these nuclei to grow to a significant
size (crystal growth) that can scatter light to a level that can be visually observed. Models were
proposed to interpret induction time (Mullin 1988), however, these analytic functions are highly
speculative, not only because the stage of nucleation and crystal growth may overlap with each
other, but also because these functions assume a constant initial supersaturation level (SI) during
induction time period, while in reality it will decrease over time. The mechanisms of nucleation
and crystal growth of barite are also controversial, while classic concepts such as critical nucleus,
primary and secondary nucleation, Smoluchowski aggregation, and Ostwald ripening are widely
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accepted, modern instrumental techniques such as in–situ AFM, TEM, and cryo-TEM reveal more
complicated phenomena, such as prenucleation clusters, primary nano-sized crystals and meso
crystals, oriented attachment, etc. suggesting the complex nature of this process (Ruiz-Agudo C.
2015). From a scale control point of view, establishing the empirical relationships between
supersaturation level and nucleation/growth kinetics seems to be more realistic.
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Figure 4.4. Change of induction time (in log10 units of seconds) with a saturation index of barite
at temperature between 125°C to 250°C

In figure 4.4, the log10-based induction time is plotted with SI value from temperature
125°C to 250°C, all shows that tind decrease with SI as expected. As only induction time between
2 mins to 4 hours is considered meaningful, only a small range of SI can be investigated, such a
range become narrower at higher temperature, at the highest temperature of 250°C, this range is
0.5<SI<0.7, while at lowest temperature of 90°C, this range is 0.65<SI<1.30, according to previous
research, this range is 1.0<SI<2.2 at 25°C (Yan 2015). At temperature 250°C with SI of 0.71,
turbidity happens in about 2mins, while at 150°C with SI of 0.72, this value increases to about
25mins, confirming the general expectation of faster kinetics at high temperature (He 1995).
Induction time at the same SI and the same temperature was also measured repetitively to
test the reproducibility. Significant scattering of data was observed, for example, at SI 0.72 &
T=150°C, three tests gives a log(tind/s)=3.17±0.08 (Mean ± SD), at SI 0.73 & T=175°C, three
consecutive tests give a log(tind/s)=2.75±0.16, at SI 0.55 & T=200°C, three consecutive tests gives
a log(tind/s)=3.90±0.26. Systems that have lower SI values (and thus lower driving force) seem to
show higher induction time and higher scatter. This scattering might be caused by experimental
errors, but would also originated from the stochastic nature of nucleation process (Ter Horst J. H
2015, Jiang, 2011), that if the birthrate of primary nucleus has a random distribution and also a
low number concentration, secondary nucleation and subsequent crystal growth rate would also
show a random distribution with deviation that is experimentally significant.
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4.3.4 Inhibitor efficiency testing at HT
Screening effective inhibitors for HT environmental is important for HPHT well scale
control. Potential scale inhibitor for HT needs to both thermally stable and inhibition effective at
T>150°C. Thermal stability test at 160°C for 5 days at pH=5 in a typical brine shows significant
degradation of NTMP (nitrile tris-methylene phosphonic acid) and DTPMP (diethylenetriamine
penta-methylene phosphonic acid) (S.J. Dyer, 2004). Polymers such as PVS (polyvinyl sulfonate),
SCC (Sulfonated carboxylate copolymer) and maleic acid is more stable that they can withstand
24 h of aging at 200°C (W. Wang, 2010).
PVS and SCC, branded as Scaletreat895 and Scaletreat852NW respectively, were
evaluated for their barite inhibition efficiency at 200°C in this study. Inhibitors were added to the
background solution to the target concentration before test, and the following procedure is the
same as the none-inhibitor test. Figure 4.5 and figure 4.6 show their inhibition effect with
increasing inhibitor concentration. For both inhibitors, there exists a clear trend of longer induction
time with higher inhibitor concentration, consistent with their performance at low temperature.
SCC of 0.75 mg/kg can inhibit barite SI 1.30 for 2 h, while PVS of 0.75 mg/kg can only inhibitor
312 s, indicating better efficiency of the former. It is worth noting that in previous research of
dynamic flow loop at 200°C, 1.0 mg/L SCC can inhibit [Ba]=[SO4] =0.000116 m (converted from
mM unit in the original text), or barite SI of 1.38 for 150 min, while 0.5 mg/L SCC leads to barite
deposition (Fan 2012). Comparing to our results with SI=1.30 in Figure 4.6 (left), the conclusion
is surprisingly the same, especially considering the different experimental setup of the two studies.
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Figure 4.5. Raw laser signal showing inhibition effect of polyvinyl sulfonate (PVS) on barite
nucleation at 200oC. Left, Saturation index=1.05, right, Saturation index=1.30. PVS provided by
Scaletreat895 (37.8% effective, nominal MW = 15,000).

Figure 4.6. Raw laser signal showing inhibition effect of sulfonated carboxylate copolymer (SCC)
on barite nucleation at 200oC. Left, Saturation index=1.30, right, Saturation index=1.50. SCC
provided by Scaletreat852NW (14% effective, nominal MW = 1500).
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4.4 Novelty, limitation and future improvement
In the current design, brine has no contact with metal tubing surface throughout the
procedure, lowering the impact of high-temperature corrosion. Also, the HPLC switch valve
design ensures accurate injection of a cationic, anionic solution, or inhibitor solution (if required).
Although such an apparatus is only tested for barite in this work, its adaptivity to gypsum,
anhydrite or even carbonate system is also possible. The main disadvantage of this system is that
it can only work under low pressure with a limit of 2000psi, because of the pressure limit of the
autoclave (<3000psi) and the borosilicate sight glass (<2170psi).
Due to practical reasons, the current apparatus use GC-Oven as heating source, low
efficiency of heat transfer means that at least 2 hours is needed to heat the background solution
(about 175 g) to target temperature. This can be improved in the future by building a customized
heating mantle around the autoclave, which heats the system faster because of close contact. It is
also recommended to use a vessel built with more corrosion-resistant material, such as Hastelloy
C, and to reduce the size of the reactor to about 100 ml volume, such that a 40 ml test bottle could
be placed inside as solution container, these bottles can be replaced with low cost and it is not
necessary to clean them for a new experiment.

4.5 Conclusion
A novel laser-hydrothermal apparatus is designed to evaluate barite nucleation kinetics up
to an extreme temperature of 250°C, with the purpose of developing a new procedure for scale
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evaluation and inhibitor evaluation at extreme temperature (>150°C). This design incorporates
several new features: borosilicate sight windows installed on an autoclave, injection by HPLC
switch valves, mixing by modified magnetic stirrer, sleeved PFA tubing with contact of the
solution, etc.
Induction time of barite from 125oC to 250oC decreases with both SI and temperature, a
pattern consistent to low temperature data. Inhibitor efficiency of PVS and SCC was evaluated at
T=200°C, [PVS]=1.5mg/kg and [SCC]=0.75mg/kg can protect SIBarite=1.30 from nucleation for 2
hours, the induction time decrease with SI and increase with inhibitor concentration, still consistent
with their behavior at lower temperature.
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Chapter 5

Environmental relevance and suggested future
work

Under most conditions, energy is often related with water, and concerns over energy,
environment, and water are often intertwined with each other. In the oil & gas production process,
brine makes a large portion of the fluid coming out the production tubing and will be reinjected
into the reservoir after separation from the carbohydrates. In the traditional fossil-fuel power plants,
large amount of water would be used as coolant. In the fast-growing geothermal energy industry,
the heat of brine inside reservoir is the direct source of energy. This chapter will sketch over a few
fields of the energy industry to discuss the importance of reliable thermodynamic model to predict
brine properties at high temperature and pressure.
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5.1 Relevance to fluid control in Oil & gas industry
Production of Oil & gas well is a mass transfer process wherein hydrocarbon and brine are
produced through production tubing to surface facilities. Temperature and pressure decline from
reservoir to the surface, also the exterior injection of water and gas into the reservoir changes the
equilibrium properties of the brine. When precipitation gradually happens in bottom-hole,
perforations, or along production tubing, plugging of the oil & gas flow threatens technoeconomics of the well, i.e., the so-called, “scale problem” in flow assurance. Minerals like barite
and carbonate are commonly encountered because external sources of anions (CO32- and SO42-)
can easily exceed the low solubility of these minerals. For calcite, the extra CO32- ions are mainly
caused by decreased CO2 solubility in brine with decreased T/P, while for barite the injection of
an SO42- rich solution into the reservoir, as with seawater injection, can account for the
supersaturation. Slightly more soluble minerals such as calcium sulfates can also precipitate,
especially in reservoirs where gypsum/anhydrite exists. Scaling of highly soluble halite is rarer
and has been reported occasionally in deep gas wells and some shale gas production, where
water/gas ratio is low and evaporation of water into the gas phase can gradually concentrate the
brine up, or above, the solubility limit of halite. Silicates scaling would also happen if the reservoir
temperature is high above 200oC and drop significantly at well-bore, because its solubility
decreases when temperature decreases.
The initiative of the current study is from the oil & gas industry, where there is a need to
model scale tendency of geothermal brine from reservoir to surface facilities. The Scale-Soft-Pitzer
(SSP 2019) has been widely used by the fluid control engineers and is continuously updated based
by research of our lab, including current research, which tries to extend the temperature limit and
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brine calcium concentration limit of model prediction. The high temperature kinetic research will
also aid the testing of inhibitor efficiency at temperature above 150oC.

5.2 Relevance to fluid control geothermal energy utilization
Geothermal energy utilization has witnessed a rapid growth globally, the process is
essentially heat transfer from higher temperature geothermal fluid to the surface facilities. After
utilization, the fluid temperature will drop significantly and will be reinjected into the reservoir to
increase its temperature. Based on the second law of thermodynamics, the higher the temperature
difference between the heat source and heat sink, the higher the work conversion efficiency of heat,
so heat source with higher temperature (>150oC) is optimal for electricity generation, while those
lower temperature source (<150oC) can only be used for direct heating purposes. In practice high
temperature heat source is only located in specific geological regions and requires deep drilling,
and the energy conversion efficiency is on average 12% and is much lower comparing to traditional
fossil fuel power plants [Zarrouk & Moon, 2014].
Understanding high temperature thermodynamics of the brine is especially important for
geothermal power plants designing, as the higher the reservoir temperature, the higher the amount
of heat that can be converted to electricity. The continuous temperature decreases and increases of
the fluids will cause scale problems, not only inside the geothermal well, but also happens in the
process facilities. The scales can be temperature sensitive minerals, such as amorphous silica,
quartz, barite, and calcium sulfates, or dissolving CO2 sensitive minerals, such as carbonates.
Understanding the scaling potential of these minerals is essential for scale control. Such control
could be using chemical inhibitors below wellbore, or deliberate crystallization of the minerals
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between well-head and injection well (Corsi, 1986). In any case, an accurate model to predict the
scaling potential of these minerals is key for fluid management and is highly relevant to the current
study.

5.3 Suggested future work
Study of aqueous solution at high temperature environments (100oC to 300oC) is not
common under most environmental science study, instead has been a continuous effort in
geological and petroleum science. Yet in today’s research, the border between these three subjects
has become less clear, and inter-disciplinary research is often needed for practical purposes. In this
study, some results and model prediction of high temperature solubility of sulfates minerals are
given, also a method to detect barite nucleation at temperature below 250oC are described, however,
limitation still exists, and a lot of work awaits. Some unfinished and suggested work are given
below,
5.3.1 Data gaps in solubility study.
A semi-empirical model like Pitzer model is largely data fitting, data gaps at certain
dimensions will results in poor prediction. The following data gaps need to be filled, based on this
study of Pitzer models.
1) Barite solubility in solution with high calcium concentration, both below 100oC and
above. Data of barite in calcium chloride at 25oC (Collins et al., 1971) is controversial.
The probability of calcium inclusion in barite can also be studied.
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2) Study of solubility of sulfates at high pressure but lower temperature (below 150oC).
These experiments are easier to do in flow-through solubility apparatus because lower
temperature will lower corrosion risk, which causes serious error in high temperature
solubility measurement. Dai (2015) covers some data on gypsum solubility in sodium
chloride solutions at high pressure, the data are however scare for barite at calcium
chloride solutions, anhydrite at calcium chloride solution.
5.2 Silicate nucleation study using high temperature apparatus
Silicates nucleation and deposition happens mostly when temperature drops from
extremely high temperature (up to 300oC) to a lower temperature. During current study, I noticed
that even borosilicate glass could be corroded by concentrated NaCl solution, and when NaCl
concentration was higher than 1 m, the corrosion became faster. For ordinary Na-Ca glass, the
corrosion can happen in DI water at T>150oC. The corrosion of glass surface means silicates is
dissolving at high temperature environments in concentrated solution.
The silicate nucleation can be triggered by first dissolving it at high temperature and then
decreasing the temperature. Previous methods to study silicates are often initiated by pH
adjustment at T<100oC, which is more convenient to do, but does not stimulate the actual silicates
deposition process where temperature drops significantly.
5.3 More robust statistic methods for modeling with a large data set
Many techniques in data science has been widely used in geological science but are often
neglected in environmental sciences. For example, for a large set of thermodynamic data, with
large dimensions of inputs (concentration of each element, T/P), and outputs (volumetric or
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calorimetric data, solubility), Neural Network can establish a model that can most accurately
interpolate the data set. The process can take a few seconds and may gain results with prediction
residual equal to a semi-empirical model like Pitzer model. The disadvantage is that any model
from the Neural Network is a black box, a data-to-data model is only an interpolation and may not
follow the general rules of thermodynamics.
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