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Polarized Raman spectroscopy has been used to measure the deuterium isotope
effect, pK = pKD2O – pKH2O, for the second ionization constant of sulfuric acid, DSO4+

2-

 D + SO4 , in the temperature range of 25 °C to 200 °C at saturation pressure.

Results for pK in light water agree with the literature within ± 0.034 pK units at all
temperatures under study, confirming the reliability of the method. The ionization
constant of deuterated bisulfate, DSO4-, differs significantly from previous literature
results at elevated temperatures. This results in an almost constant pK ≈ 0.425 ± 0.076
over the temperature range under study. Differences in pK values between the literature
and current results can be attributed to the effect of dissolved silica from cell
components. The new results are consistent with pK models that treat the temperature
dependence of pK by considering differences in the zero-point energy of hydrogen
bonds in the hydrated product and reactant species.
The phosphate hydrolysis equilibrium, PO43- + D2O  OD- + DPO42-, was
measured between the temperatures of 5 °C and 80 °C and the borate/boric acid
equilibrium, B(OD)4-  OD- + B(OD)3, between the temperatures of 25 °C and 200 °C.
The high alkalinity and temperatures experienced by these two systems had a significant
impact on the glass dissolution and equilibrium.
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1.0
1.1

INTRODUCTION

Overview
Research to develop new methods of energy production and optimization strategies

will provide a vital contribution for future generations as energy demands and population
growth continue to be a primary global issue. By 2050, the United Nations projects that
the world population will increase to 9.6 billion. This will place massive pressure on
critical fuel reserves. Major global initiatives have been put forth in an effort to produce
efficient and environmentally friendly methods of energy production. Energy completely
derived from naturally-occurring sustainable resources would alleviate our dependency
on fossil fuels but this technology is still not available. Therefore, considerable attention
must be made to maximize the efficiency of existing energy production methods. The
CANDU natural uranium nuclear reactors will play a pivotal role towards the shift from
fossil fuels to environmentally sustainable resources. These reactors produce essentially
zero carbon emissions and are designed for continuous operation during refueling.
However, waste management and safety issues continue to be a public concern.
Considerable attention has been paid to the understanding of aqueous chemical
processes under the extreme conditions encountered in nuclear, thermal and geothermal
electric power stations. Research to understand and quantify the physical and chemical
properties of water and aqueous solutions is being carried out by industry, universities
and national laboratories in many countries. Internationally accepted formulations of key
data required for power station design are approved by the International Association for
the Properties of Water and Steam (IAPWS). IAPWS membership includes Argentina,
Brazil, Britain, Ireleand, Canada, the Czech Republic, Denmark, France, Germany,
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Greece, Italy, Japan, Russia, the United States of America, and associate member
Switzerland, who all officially follow IAPWS regulations and guidelines. These countries
share a common database for the properties of water and aqueous solutions in order to
develop advanced power station designs and to extend the lifetime of the current fleet.
A great deal of knowledge has been obtained about the physical chemistry of
electrolyte and non-electrolyte solutions, solvation effects and critical point phenomena
under a variety of temperature and pressure conditions (Palmer et al., 2004; Valyashko,
2008; Franck, 1987) However, there is still controversy concerning fundamental
characteristics such as the structural nature of water (Soper, 2010). Aqueous systems at
elevated temperatures exhibit many distinct chemical and physical properties compared
to ambient conditions. At elevated temperatures the average kinetic energy of the
molecules increases (as described by the Boltzman distribution) and the interactions
between the hydrogen bonded H2O molecules change significantly. Entropy begins to
play a primary role as the well-organized hydrogen bonded structure of H2O begins to
collapse.
Changes also take place in the hydration environment surrounding ions in
electrolyte solutions (Baes and Mesmer, 1976). These changes are accompanied by a
drop in the dielectric constant. As conditions reach the critical point (373.946 °C, 22.064
MPa), the density of the liquid and gas phase become indistinguishable, and solvent
compressibility effects become very large (Wagner and Pruss, 2002). Attempts to model
and predict the temperature and pressure dependence of mass transport and chemical
speciation in aqueous solutions remain a difficult task. Experimental, theoretical and
computational advancements over the past 40 years have contributed to sophisticated

2

chemical thermodynamic models which are used for optimizing reactor coolant and
boiler chemistry in thermal power stations ( Povodyrew et al., 1996). All of these models
use data from light water systems.
Canadian CANDU pressurized heavy water nuclear reactors operate between
temperatures of 250 °C – 300 °C and at pressures of approximately 10 MPa. These
reactors utilize D2O as a neutron moderator and as the heat transport fluid in the primary
circuit of a two loop system as shown below in Figure 1.1. A thorough knowledge of the
transport properties for corrosion products, dissolved hydrogen and LiOD all require
accurate chemical equilibrium constants in D2O under the operating conditions of the
reactor. These data are necessary for optimizing the chemistry of the primary coolant and
moderator. As of yet few data or predictive models are available at temperatures above
80 °C.

1.2

Scientific and Industrial Interest in Hydrothermal Chemistry
The term hydrothermal was first used by Sir Roderick Murchison (1792-1871) to

describe how the elevated temperatures and pressures of water have the ability to change
the earth’s crust and form different types of mineral compounds.
Since then, an understanding of how temperature and pressure changes can alter
chemical equilibria has become relevant to many fields of research. Notable areas of
application include geochemical processes (Palmer et al., 2004), oil sands (Barbero et al.,
1982), ore body formation (Barnes, 1979), hydrometallurgy (Leclerc et al., 2003),
thermochemical hydrogen production (Beghi, 1986), and geochemical and nuclear power
generation (Palmer et al., 2004).

3

Secondary loop

Primary loop

Figure 1.1 - Schematic of a CANDU-6 nuclear reactor.
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1.2.1

Applications of Hydrothermal Chemistry to the Nuclear Industry
Research involving hydrothermal chemistry is of specific interest for the high

pressure and temperature environments that are present in the nuclear reactors used for
electric power generation. The corrosive and complex nature of these systems requires an
in-depth knowledge of materials, transport properties, corrosion, and other chemical
processes in order to optimize operating conditions. According to the World Energy
Investment Outlook from 2003, the world will need to make an investment of $ 4.5
trillion in power generation over the next thirty years. This substantial investment
requires a thorough understanding of all mechanisms occurring in these systems,
especially for nuclear-related sectors.
CANDU heavy water nuclear reactors incorporate many distinct features into their
design and operation that are absent in light-water reactors. Approximately 400
zirconium pressure tubes are horizontally placed in a honeycomb structure called a
calandria. Each pressure tube contains ~37 fuel bundles that contain natural uranium
encased in zirconium cladding. By moving new fuel bundles into each pressure tube and
simultaneously removing spent fuel while the reactor is operating, this multi-channel
configuration allows for continuous operation during refuelling. Another significant
difference is the use of heavy water (D2O) as the primary coolant and moderator. As the
primary coolant, D2O transports the heat generated from the fission process to a boiler
where it is used to convert water in the secondary coolant loop to steam. This process
continuously powers the turbines to produce electricity.
The neutron moderating ability of the two solvents is also quite distinct from oneanother. The purpose of the moderator is to reduce the kinetic energy of the neutrons
from the

235

U fission process and allow the chain reaction to proceed. The use of H2O
5

would require fuel containing at least 2 percent enrichment of 235U while natural uranium
contains only 0.7 percent

235

U. The use of D2O in the moderator and solvent allows the

use of natural uranium as fuel. This is due to the smaller neutron capture cross section of
D2O and eliminates the need for uranium enrichment programs that can also be used for
the production of nuclear arms.
The solution chemistry in the primary loop is complex and carefully monitored to
ensure that proper conditions are maintained. Reducing conditions must be achieved to
stabilize the passivating oxide films that prevent corrosion, and to suppress the effects of
radiolysis. This is accomplished by the addition of H2. Also, deuterated lithium hydroxide
(LiOD) is added to ensure that a basic pD is maintained. The measurements to monitor
pD consist of taking a water sample from the primary loop, then testing it with a pH
electrode that is calibrated in a light water buffer solution. The “apparent” pD of the
coolant is defined in the following equation:

pD = pH + 0.45

(1.1)

The value of 0.45, which is added to the pH, is based on the difference in ionization
reactions in D2O and H2O (pK) for approximately 150 systems that were measured at 25
°C (Laughton and Robertson, 1969). However, the operating conditions of the CANDU
nuclear reactors range from 250 °C to 305 °C at 10 MPa. One of the goals in this research
is to measure the temperature dependence of pK and develop models to predict how pD
changes at these elevated temperatures and pressures.
A thorough knowledge of pK at elevated temperatures will also provide a deeper
understanding needed to minimize the effects of flow accelerated corrosion (FAC)
occurring inside the feeder tubes, shown in Figure 1.2. FAC results from the dissolution
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Figure 1.2 - Feeder tubes containing the primary D2O coolant.
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of a thin layer (1-4μm) of magnetite (Fe3O4) that protects the inside surface of the feeder
tubes. The mechanisms of FAC have been investigated and major contributors have been
identified as water chemistry, hydrodynamics, alloy composition and temperature
(Nasrazadani et al., 2009). The chemistry aspects of FAC deal with the solubility of a
thin layer of protective magnetite inside the feeder tube that has been shown to depend on
the water pH (Tremaine and LeBlanc, 1980). The concern is that if the pD is too low the
magnetite will deposit on the primary entrance to the core and result in a decrease in heat
transfer in addition to exposing maintenance workers to increased radiation fields from
the production of hazardous radionucleotides such as

60

Co. Conversely, if the pD is too

high the feeder tubes will dissolve at an accelerated rate. The current practice is to adjust
the pD in a range, 10.2-10.8, high enough to avoid precipitation in the core and formation
of

60

Co (Lin, 2009). However, if the pD can be lowered without in-core deposition the

feeder tube lifetimes can be extended. This basic research will provide the necessary
experimental data to model corrosion product transport and FAC in heavy water systems.

1.2.2

Metal Oxide Solubility
As previously mentioned, a concern regarding CANDU nuclear reactors is the

thinning of the carbon steel feeder tubes that transfer coolant from the reactor core to the
boilers through the primary loop. The chemical composition of these tubes facilitates the
formation of a passivating oxide layer (1-4μm) at the surface which acts as a barrier to
prevent further corrosion. The protective layer is composed of a solid oxide phase of iron
called magnetite, Fe3O4(s). Dissolution of the magnetite forms FeII and FeIII species,
therefore, this reaction is dependent on the reduction potential of the system and
consequently increases the difficultly for acquiring accurate measurements.
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The magnetite solubility as a function of pH consist of redox reactions 1.2 and 1.3:

1
1
Fe3O 4  (2  b)H   H 2  Fe(OH) 2b b  (4 / 3  b)H 2 O
3
3

(1.2)

1
1
Fe3O 4  (3  b)H   Fe(OH)3b b  H 2  (4 / 3  b)H 2O
3
6

(1.3)

Figure 1.3 depicts the Pourbaix diagram for iron at 300 °C (Beverskog and
Puigdomenech, 1997). This diagram plots the reduction potential as a function of pH. The
regions of stability are indicated for magnetite, hematite (Fe2O3), iron metal and the most
stable aqueous species whose solubility exceeds 10-6 mol·kg-1. The dashed lines indicate
the region of stability for H2O. The top line represents the potential of the system in
equilibrium with O2 (1 bar) and the bottom line represents the same conditions for H2 (1
bar). The CANDU reactors operate under reducing conditions and basic pH, thus,
ensuring that magnetite is the stable phase.
The primary loop contains dissolved iron that will deposit as magnetite in areas of
low solubility. This reduces the aqueous concentration of iron and promotes magnetite
dissolution where the solubility is greatest, a contributing cause of FAC. The slow
dissolution of Fe3O4 by FAC can have adverse effects on the structural integrity of the
feeder tubes as thinning can become an issue over time. An ability to model the aqueous
solubility behaviour of dissolved magnetite in heavy water can help identify the best
water chemistry to reduce this thinning process and extend the lifetime of the feeder
tubes.
There have been three widely accepted investigations for magnetite solubility that
span a wide range of temperatures and pH conditions. The first accurate measurements
were conducted by Sweeton and Baes (Sweeton and Baes, 1970). These experiments
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Fe3O4(cr)

Figure 1.3 - Pourbaix diagram for Fe at 300 °C.
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were conducted under reducing conditions over the temperature range of 50 °C - 300 °C,
however, only the ferrous FeII species were thought to be stable. Later experiments by
Tremaine and Leblanc (1980) and Ziemniak (1995) have extended those conditions to
higher pH. In addition, Tremaine and Leblanc analyzed the oxidation state of Fe and
incorporated the ferric FeIII species into their models.
In his MSc thesis (Brosseau et al., 2010), Francais Brosseau reported Helgeson
Kirkham Flowers (HKF) parameters fitted to critically evaluated solubility data for iron
oxides. These models can be used to predict the speciation of aqueous iron under
CANDU operating conditions. At 250 °C, the FeII hydroxyl complexes are the dominant
species from acidic to neutral pH conditions as shown in Figure 1.4. However, in alkaline
systems used by the CANDU nuclear reactors, FeIII species become significant. Current
CANDU operating strategies use the data acquired by Sweeton and Baes (1970).
Solubility measurements for magnetite have never been made in heavy water, and
attempts to do so by reproducing Tremaine and LeBlanc’s experiments would prove
challenging as the solubility of magnetite is so small that differences between D2O and
H2O cannot be measured with sufficient accuracy at elevated temperatures. However, the
metal hydrolysis reactions in equations 1.4 and 1.5 are similar in nature to acid/base
ionization reactions as shown below:
M(OH)3 +2H 2 O  M(OH) 4  H 3O 

(1.4)

M(OH)3 +2H 2 O  M(OH)42- +H 3O +

(1.5)

where M = AlIII, BIII

and where M = ZnII, PbII
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Figure 1.4 - Fe speciation at 250 °C using the experimental data of Tremaine and
Leblanc (bullets) compared to the regressed HKF model (solid lines).
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The similarities of these reactions to reactions 1.2 and 1.3 suggest that they will
experience comparable isotope effects. Therefore, by measuring the isotope effect for
various ionization reactions, we hope to develop a model to predict the iron concentration
as a function of pD that will be derived from light water solubility models.

1.2.3

Effects of Isotopic Substitution on Physical and Chemical Properties of H2O

The substitution of hydrogen atoms in H2O with deuterium causes significant
changes on the properties of the solution. These differences have received considerable
attention at room temperature (Arnett and McKelvey, 1969), however, a clear description
of the effects of isotopic substitution at elevated temperatures is still lacking and of
considerable scientific interest.
A comparison of various physical properties of D2O and H2O is given in Table 1.1.
The first interesting difference is that D2O has a noticeably higher melting point (3.82 °C)
relative to that of H2O at 0 °C, suggesting stronger intermolecular interactions (i.e.
hydrogen bonding) at lower temperatures. Also, the maximum density in D2O occurs at
11.2 °C in comparison to H2O at approximately 4 °C. It has been well established that
D2O is more “structured” than its protonated counterpart at low temperatures (0 °C – 35
°C) (Arnett and McKelvey, 1969), however, as temperatures increase there are significant
changes in the properties of H2O and D2O. This is most evident from observing the
differences in critical points. The critical point in light water is Tc = 373.99 °C at Pc =
22.064 MPa and Vc = 3.11 cm3/g compared to Tc = 370.74 °C at Pc = 21.671 MPa and Vc
= 2.81 cm3/g for the deuterated analog. The lower critical point for D2O suggests that the
highly structured D2O at 25 oC breaks down at a faster rate with increasing temperature
compared

to

H2O.

This

has

also

been
13

briefly

discussed

by

Arnett

and

Table 1.1 - Physical properties of light and heavy water
Unit

Molar mass
Melting point (101.325kPa)
Boiling point (101.325 kPa)
Triple point temperature
Triple point pressure
Triple point density(l)
Triple point density(g)
Critical temperature
Critical pressure
Critical density
Critical specific volume
Maximum density(saturated liquid)
Temperature of maximum density

g·mol-1
°C
°C
°C
Pa
g·cm-3
mg·L-1
°C
MPa
g·cm-3
cm3·g-1
g·cm-3
°C
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H2O

18.01528
0.00
100.00
0.01
611.73
0.99978
4.885
373.99
22.064
0.322
3.11
0.99995
4.0

D2O

20.02748
3.82
101.42
3.82
661
1.1055
5.75
370.74
21.671
0.356
2.81
1.1053
11.2

McKelvey (1969).
Figure 1.5 (a) shows the Raman vibrational spectrum for liquid H2O and D2O in the
OH and OD stretching region between 25 °C and 200 °C. The increased full width at half
maximum (FWHM) in H2O suggests a broader range of energy distributions compared to
D2O. This may be due to H2O having a greater range of geometric configurations and be
better adapted to retain a greater number of hydrogen bond configurations when
experiencing changes in temperature and pressure in comparison to D2O (i.e. H2O may
have a greater ability to adapt to temperature changes without disrupting the hydrogen
bonding network.)
The self-ionization constant of H2O (Marshall and Franck, 1981; Sweeton et al.,
1974) and D2O (Shoesmith and Lee, 1976; Mesmer and Herting, 1978) have been
previously measured at elevated temperatures. It is interesting to note that the change in
heat capacity, Cpo , for the ionization of H2O (Sweeton et al., 1974) becomes more
negative compared to D2O (Shoesmith and Lee, 1976) at approximately 150 °C as shown
in Figure 1.5 (b). This could suggest a change in the solvent structure as temperatures
approach the critical point.

1.3

Physical Properties of H2O and D2O

1.3.1

Hydrogen Bonding Effects with Temperature

The unique physical and chemical properties of water originate from the hydrogen
bonding effects. Hydrogen bonding is responsible for the complex intermolecular
interactions in water that allow for diverse phenomena such as fifteen different phases of
crystalline ice. The unusual nature of this molecule is rooted in the structure and electron
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Figure 1.5 (a) – Raman spectra of the OD and OH stretching region in dilute bisulfate solutions (0.05 maq) between 25 °C and 200 °C
– this work
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Figure 1.5 (b) – Cpo for the ionization of light and heavy water (Sweeton et al., 1974;
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distribution. H2O is composed of a single oxygen atom with two hydrogen atoms
arranged at an angle of approximately 104.5 degrees in a tetrahedral orientation with an
average of almost 4 hydrogen bonds per water molecule at room temperature (Marcus Y,
1985). Oxygen’s greater electronegativity relative to the hydrogen atom is the
fundamental property which gives water the hydrogen bonding capabilities. Although the
water molecule is electrically neutral, the distribution of electron density throughout H2O
leaves a net negative charge on the oxygen that is compensated by a net positive charge
on the hydrogen. The separation of charge induces a permanent electric dipole moment of
1.85498 D within the molecule. This results in an intermolecular hydrogen bond energy
of approximately 20 kJ/mol (Palmer et al., 2004).
As ice begins to melt, up to 20% of the hydrogen bonds are broken still leaving the
local structure of the H2O molecule in a near-tetrahedral orientation. A fundamental
difference between water and ice is that the hydrogen bonds of an H2O molecule in ice
can bend so that the lattice is unperturbed while in liquid water the hydrogen bonds bend
independently (Pople, 1951). In the liquid phase H2O can be described as a disordered
solid with the short range order of the solvent molecules being retained while the long
range order is lost. At approximately 4 °C H2O reaches a maximum density. This
property has been attributed to two opposing effects: (i) the collapse of hydrogen bonding
- indicated by increase of average number of nearest neighbours with temperature (ii)
simultaneous increase with temperature of the average center-to-centre distance
(Robinson and Stokes, 2002). The decrease in density that occurs on cooling from 4 °C to
O °C is a subtle but remarkable trait of H2O. If ice had a greater density than liquid water,
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newly formed ice would sink to the bottom and prevent most early life from existing on
the ocean floor.
At elevated temperatures, the average kinetic energy of the molecules increases
which weakens the intermolecular hydrogen bonding network in the system. This
effectively breaks down the long-range hydrogen bonding normally found at ambient
conditions, resulting in a decrease in the dielectric constant, viscosity and density. On
heating water from 25 °C up to the critical point the density decreases by approximately
one third while the compressibility becomes infinite. These changes reflect disruptions in
the hydrogen bonding network. At temperatures greater than 150 °C the tetrahedral
configuration of water begins to break down due to the increase in thermal motion and
the bulk solvent begins to inherit more continuum like characteristics. As temperatures
approach the critical point H2O experiences such drastic changes that it has been
considered a different solvent altogether. However, hydrogen bonding continues to have
an important influence even at temperatures approaching the critical point. For instance,
the kinetic energy of the H2O molecules is approximately 30% of the hydrogen bond
energy (24 kJ/mol) at the critical point of light water (Palmer et al., 2004).
Pressure effects on water structure can vary depending on the specific temperature
under investigation. When low temperature water undergoes an increase in pressure there
is a disruption in the hydrogen bonding network. This arises from the H2O molecules
being pushed together, causing an increase in density and deforming the tetrahedral
arrangement. At higher temperatures, an increase in pressure has a converse effect on the
structure of water. Under these conditions the bulk density is considerably lower than 1 g
cm-1 and the higher average kinetic energy of the individual molecules results in a
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decrease of the hydrogen bonding network. Applying pressure under these conditions
essentially reverses this process, as the density returns back to 1 g·cm-1, and increases the
structural hydrogen bonding network (Palmer et al., 2004).

1.3.2

H2O vs P and T

Highly accurate PVT properties for H2O are needed to interpret measurements for
non-electrolyte and electrolyte solutions under extreme conditions. Light water PVT
properties are provided by Wagner and Pruss’ equation of state which ranges in
temperature from 251.2 K at a pressure of 209.0 MPa up to 1273 K and pressures up to
1000 MPa (Wagner and Pruss, 2002). Uncertainty estimates for liquid water properties
under ambient conditions are approximately 0.0001 % for density and 0.01 % for the
isobaric heat capacity, cp. These uncertainty values increase with temperature. Hill also
provided an accurate equation of state for H2O (Hill, 1990), however, the Wagner and
Pruss values are the accepted modern IAPWS and NIST standards.
Care must be taken when using thermodynamic values from different sources. For
example, Archer`s equations (Archer, 1992) for the dielectric constant and the Debye
Huckel limiting slopes incorporate water properties from Hill`s equation of state. Thus,
for internal consistency, Hill`s values should be used with Archer`s values and not the
current values accepted by NIST.
The dielectric constant of H2O is an important variable and is needed at elevated
temperatures to accurately calculate the infinite dilution behaviour for ionic species. Most
recent IAPWS equations reproduce experimental values at temperatures between 238 K
and 873 K and pressures up to 1200 MPa (Fernandez et al., 1997).

20

1.3.3

D2O vs P and T

As with light water, accurate PVT properties of heavy water must be known at
elevated temperatures. These have been provided by Hill up to temperatures of 600 °C
and pressures of 100 MPa (Hill et al., 1982). The static dielectric constant of heavy water
has been measured up to temperatures (770 K) and pressures (59 MPa) far exceeding the
critical point (Okada et al., 1999). These values were reported to have the same value as
those for H2O at the same number density of water molecules.

1.4

High Temperature Aqueous Chemistry

1.4.1

Thermodynamics

1.4.1.1 Standard State

In order to use the thermodynamic data collected from experiments the first
objective is to define the standard state. This subtle, but vital, piece of information is an
arbitrary reference point with which to compare all experimental data on a common
ground. The activity coefficients,  , for electrolyte solutions are a measure of the
deviation from ideal conditions defined by Henry’s law. The IUPAC definition for the
hypothetical one molal standard state, mo, is for a species exhibiting infinite dilutions
behaviour at the arbitrary value of 1 mol·kg-1 at a pressure of 1 bar and a given
temperature. Molality (mo = 1 mol·kg-1) rather than molarity (co = 1 mol L-1) is used in
the present work because it is independent of expansion and compression as the
temperature and pressure are varied.
For comparison of different solvents aquamolality, maqo , is a useful standard state.
Aquamolality is defined as moles of solute per 55.51 moles of solvent. In light water this
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corresponds to the usual molality (m), defined as moles of solute/mass (kg) of solvent,
however, the relationship between aquamolality and molality in D2O solutions must
incorporate a factor of 1.1117. The resulting D2O solutions are then defined as maq =
1.1117 m where m is the molality of the D2O solution. The use of aquamolality instead of
molaltiy allows thermodynamic properties of the two systems to be directly compared for
theoretical purposes.

1.4.1.2 Equilibrium Constant

The Bronsted formulation for acid ionization can be represented by the following
equation:
HA(aq)  H + (aq)+A - (aq)

(1.6)

and in a similar manner for the ionization of a base:
B(aq)+H 2 O(aq)  BH + (aq)+OH - (aq)

(1.7)

Determination of thermodynamic quantities for these reactions begins with measurements
for the degree of ionization of the desired species in solution. This is quantified by
calculating the equilibrium quotient, Q, for a given reaction that is dependent on
temperature, pressure and ionic strength. This is defined as the molalities of the products
divided by the reactants. For an acid ionization reaction it takes the form:
Qa 

(mA- / mo )(mH+ / mo )
(mHA / mo )

(1.8)

The equilibrium constant, Ka, is the sought-after thermodynamic quantity and is defined
at the hypothetical one molal standard state mo = 1 (i.e. no ionic strength contributions for
the given reaction). The equilibrium constant is defined as follows:
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Ka 

aA- aH+

(1.9)

aHA

where a is the activity for each of the species involved. The molality and activity are
directly proportional to each other by means of an activity coefficient, a = γ m, This
results in the following equation for the equilibrium constant:
log10 K a  log10 Qa  log10 ( A-  H+ /  HA )

(1.10)

At infinite dilution the activity coefficients approach unity and the second term in the
above equation becomes zero, i.e. K a  lim Qa
m0

The temperature dependence of the equilibrium constant for a particular reaction is
described by the van’t Hoff equation:
ln KT  ln KTr 

H Tro
R

1 1 
  
 T Tr 

(1.11)

where H Tro is the standard molar enthalpy at a specific reference temperature. This
equation assumes that the change in heat capacity, Cpo, is zero and, therefore, is only
valid over small temperature ranges. A more thorough description of the temperature and
pressure dependence of the equilibrium constant is described below by the extended van’t
Hoff equation:
o
C p
H 298
1  1
1
1


dT 



R  T 298K  R 298 K T
RT
o

T

ln KT  ln K 298

T



298 K

P

C po dT 

1
V o dP (1.12)

RT 1

where
 H Ro 
o

  CP , R
 T  P

and
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(1.13)

VRo
  ln K 

 
RT
 P T

(1.14)

Here CPo , R and VRo are the standard partial molar heat capacity and volume of the
reaction, respectively.
The equilibrium constant is related to the Gibbs free energy, G o , for a particular
reaction through the following relationship:
G o   RT ln K  H o  T S o  U o  pV o  T S o

(1.15)

An ionization reaction at low temperature (< 100 oC) is significantly affected by
hydrogen bonding interactions. The strength of these interactions in the hydration sphere
that surrounds aqueous ions, relative to bulk water, will have a direct effect on the
internal energy, Uo, and ultimately the equilibrium constant, K. High temperatures cause
solvated species with higher entropies to be more stable. High pressures stabilize species
with smaller hydrated structures.
At moderately low temperatures an ion will have an influence on both short-range
and long-range interactions with water. As temperatures increase to above 200 °C the
compressibility of the solvent increases and the long range ion-solvent interactions begin
to dominate (Palmer, et al., 2004). Under these conditions the equilibrium of the
ionization reactions will proceed in a direction that reduces the volume (pV° < 0) and
increases the entropy (TS° > 0) (Palmer, et al., 2004). For ion association reactions the
driving force was found to be the entropy, as stated by Mesmer (Mesmer, et al., 1988),
and it was found that this influence increases with temperature.
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1.4.2

Born Model of Solvation - Long Range Polarization Effects

Ions interact electrostatically with the solvent according to the equations put forth
by Born (Fawcett, 2004). Therefore, almost all models use a form of these equations to
calculate the long range electrostatic interactions between ions and a solvent.
The Born model attempts to calculate the Gibbs energy of solvation for an infinitely
dilute ion in a dielectric continuum, εs. The first step in the Born model is to calculate the
amount of energy required to discharge an ion in a vacuum. The second step is to form a
cavity in the dielectric continuum, corresponding to the radius,ri , of the discharged ion.
The final step involves calculating the energy required to recharge the sphere. Using a
coulombic potential, the work associated with recharging an ion of radius r in a dielectric
continuum is:
  zi eo 
w
8s  o ri

2

(1.16)

The total work involved with the solvation can then be summed up with the following
three previously mentioned steps:
ws  wa  wb  wc

(1.17)

With the assumption that no work will be done in bringing an uncharged ion into the
dielectric medium, the Gibbs energy of solvation is given as:

N z e  
1
 s Gi   L i o 1  
8 o ri   s 
2

(1.18)

The Gibbs solvation energy varies with temperature according to the following equation:
N  z e  1 d s
d  s Gi
 s Si 
 L i o
8o ri  s 2 dT
dT
2
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(1.19)

The Born model provides a simplistic framework for the free energy of solvation,
however, consideration must be made for additional effects. Issues arise in the Born
model due to the difference in ionic interactions between the solvation sphere
immediately surrounding an ion and the bulk solvent. Specifically, the dielectric constant
is a function of distance from a point charge. Within a radius of 2 Å from a point charge
is a region of complete dielectric saturation i.e. the dipole will not reorient itself when an
external electric field is applied. The resulting dielectric constant of four or five in this
region is from polarisation effects of electrons and atoms only. Continuing outwards from
the ion there is steep rise in the dielectric constant until about 4 Å where the value
reaches that of the bulk solvent (Robinson and Stokes, 2002). At elevated temperatures,
the Born equation provides an acceptable description of the thermodynamic properties of
solvation, however, ambient conditions are dominated by short-range hydration effects
which the Born approach neglects (Cobble JW, 1981).
The prediction of thermodynamic properties at elevated temperatures and
pressures was considerably improved by the Helgeson-Kirkham-Flowers (HKF) (Tanger
and Helgeson, 1988) model by providing a semi-empirical approach for the standard
partial heat capacity and volume functions. The predictive power of the HKF model
originates in defining the standard molar properties, Y o , as coming from two terms:
o
Y o  Yno  YBorn

(1.20)

o
a Born term, YBorn
, which accounts for long range polarization effects that dominate at

high temperatures and a non-electrostatic term, Yno , that incorporates intrinsic gas phase
properties of the solute, standard state and short-range hydration corrections (Palmer et
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al., 2004). The HKF model is a strong predictive tool for electrolyte solutions with great
success at elevated temperatures (Xiao and Tremaine, 1996).
Although the HKF model is a common tool for geochemical and industrial
purposes, it does have limitations. Predictions from the HKF model become inaccurate
for solutions of low density, especially when approaching the critical point. Also, the
Born model of solvation is used for aqueous nonelectrolytes, with no theoretical
foundation, and can result significant error for species as temperatures approach the
critical point. Improved models such as POCW and SOCW are recommended for
nonelectrolyte thermodynamic predictions at temperatures greater than 200 °C (Palmer et

al., 2004).

1.4.3

Density model

Franck observed a linear relationship between the ionization constant of various
solutes (including H2O) when plotted against the density of pure water (i.e. log K vs. log

ρ) at elevated temperatures and pressures (Franck, 1961). Marshall and Franck used it to
represent the ionization constant of water and found that the density equation worked
very well up to temperatures of 1000 °C and pressures of 10 kbars (Marshall and Franck,
1981). The density model is given below:
log10 K  a  b / T  c / T 2  d / T 3  k log  W

(1.21)

k  (e  f / T  g / T 2 )

(1.22)

where

In this expression, K is the equilibrium constant, ρw is the pure solvent density, T is the
temperature and the remaining terms are fitting parameters. The simplicity of the density
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model allows important thermodynamic quantities to be calculated in a relatively
straightforward manner. The enthalpy, entropy, heat capacity and molar volumes can all
be acquired from the previous equation as shown below (Mesmer et al., 1988):
H o  2.303R[b  2c / T  3d / T 2 )  ( f  2 g / T ) log ρ]-RT 2 kα

(1.23)

S o  2.303R[a  c / T 2  2d / T 3 )  (e  g / T 2 ) log ρ]-RTkα

(1.24)

 α 
Cp o  2.303R[ 2c / T 2  6d / T 3 )  (2 g / T 2 )log ρ]-R (2eT  2 g / T )  RT 2k   (1.25)
 T  p

V o   RTkβ

(1.26)

where is the expansivity coefficient and is the compressibility coefficient.

Theoretical interpretations of the density model are varied (Anderson et al.,
1991), however, the a - d terms dominate at low temperatures and account for hydration
effects while the k term accounts for solvent compressibility and long range polarization
effects which dominate at higher temperatures. The predictions for the temperature
dependence of thermodynamic quantities are remarkably accurate. The derivatives of the
density and volume with respect to temperature and pressure approaches negative infinity
at the critical point which is necessary for the partial molar thermodynamic quantities to
follow the same trend.

1.4.4

Activity Coefficient Models

1.4.4.1 Debye-Hückel Model

In 1923, Debye and Hückel (Debye and Huckel, 1923) provided a theoretical
framework that would explain the deviations from ideal behaviour based on the ionic
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strength of the solution. The ionic strength, defined below in equation 1.27, is dependent
on the molality (mol·kg-1) of the solute ions and their charge:

I

1
2
zi mi

2

(1.27)

It plays an integral role in the Debye-Hückel equation shown below:
ln  

A z z

I

(1.28)

o

1 B a I

where A and B are the Debye-Hückel constants that are dependant on the solvent and
o

temperature, z is the charge of the ion, a is a theoretical term which is the distance of
o

closest approach between anions and cations. A fixed B a term between the values of
between 0.5 – 2.0 with no additional Debye-Hückel terms works for most ionization
reactions (Marshall and Jones, 1966a) and can also be given a value of unity (Guntelberg,
1926)
Although the Debye-Hückel limiting law describes the activity coefficient it does
have limitations. The equation is usually restricted to ionic strengths below 0.1 mol·kg-1.
Debye-Hückel limiting law is theoretically rigorous and must be followed by all other
activity coefficient models in very dilute solutions.

1.4.4.2 Guggenheim Equation

Guggenheim (Fawcett, 2004) proposed an activity coefficient model that attempts
to account for limitations of the Debye-Hückel equation. The model, equation 1.29, was
the Debye-Hückel term to describe ion-ion interactions at low concentration with
additional terms to account for short range interactions as shown below:
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ln  M ' X '

A z z I 1/2
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    M M , X ' M

(1.29)

were ν is the stoichiometric amount of each cation or anion These additional terms use
specific interaction coefficients,  i , j , to describe the interactions between two species “i”
and “j”. They are constants for a given solvent and temperature. This equation is valid for
solutions of completely dissociated 1:1 electrolytes up to concentrations of ~0.1 mol·kg-1.
Unsymmetric electrolytes have been less successfully described by this model. Later in
his career Guggenheim restricted his equation to the use of 1:1 electrolytes exclusively.
Although the Guggenheim equation does not correctly predict the deviations from
ideality to very concentrated solutions it extends the DH equation to higher
concentrations and multicomponent solutions.

1.4.4.3 Davies Equation

A semi-theoretical extended form of the DH equation is the Davies equation
shown below:
 Im

 0.3I m 
log10  i  0.5102 zi 2 
 1 I

m



(1.30)

As the ionic strength approaches zero the Davies equation approaches the DH equation.
This equation has no theoretical derivation but shows good results up to concentrations of
0.5 mol·kg-1 (Samson et al., 1999).

1.4.4.4 Mean-Sphere Approximation

As previously mentioned, the Debye-Hückel equation works for dilute solutions
but fails for higher concentrations and especially for ions of higher charge. It is
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considered a primitive model because it ignores the molecular description of the solvent.
A model that attempts to improve the Debye-Hückel equation takes the molecular nature
of the solvent and solute into account and is called the mean sphere approximation
(MSA) (Fawcett, 2004).
This is an important improvement as failure to account for the finite size of ions
can lead to an overestimation of the ion-ion interaction. The basic idea of the MSA model
is to represent the individual components of an electrolyte solution (cations, anions,
solvent) as tiny hard spheres. The advantage of this approach is that the distribution of
ions around a central ion can be accounted for how they are packed in space while still
applying the effects from electrostatic interactions. A simplification can be made to the
MSA model by assuming that the radius of the anion and cation are the same. The two
terms that form the MSA model are shown below in equations 1.31 and 1.32:

 z z U es
2NL I

(1.31)

6 3 2 2
 2  3




(1.32)

 ln y es 
 ln y hs 

They represent the electrostatic,  ln y es , and hard sphere,  ln y hs , contributions to the
mean activity coefficient. The term  is defined as
  1 

where

 

(1.33)

N L a 3  ci*
i

6

(1.34)

The mean electrolyte activity coefficient is the sum of the electrostatic and hard sphere
terms:
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ln y   ln y es   ln y hs

(1.35)

1.5
Experimental Methods for Ionization Constant Measurements at High
Temperatures

Ionization reactions at elevated temperatures were first explored in 1907 using
electrical conductivity measurement (Noyes, 1907). Since this time, modern
advancements in corrosive resistant materials, analytical techniques and computational
power have opened new doors for understanding the complex nature of aqueous
electrolyte solutions under extreme conditions. Several methods for measuring ionization
constants under hydrothermal conditions include solubility, potentiometry, conductance
and spectroscopy.

1.5.1

Solubility Measurements

Research involving the temperature dependence of solubility for various salt
solutions is well researched (Valyashko, 2008; Palmer et al., 2004). Ion association
becomes heavily favoured as temperatures approach the critical point where the dielectric
constant decreases significantly from room temperature values. The decrease in dielectric
constant can affect the solubility of electrolyte solutions to such an extent that salts which
are fully solvated at room temperature can ion-pair under hydrothermal conditions and
precipitate out of solution.
Over the years, advancement in materials and experimental design (Valyashko,
2008) has elevated the temperature and pressure conditions for solubility studies. Typical
measurements for acquiring high temperature solubility data are commonly performed
through one of three methods: direct observation of sample precipitation/dissolution,
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batch sample analysis or flow-through techniques. The development of these methods has
provided additional sources for studying ionization reactions under hydrothermal
conditions.
Marshall conducted solubility measurements of many sulphate salts and their
hydrates in sulphuric acid solutions ranging in temperatures from 25 °C to 350 °C in
order to calculate the ionization constants of HSO4- and examine ion pairing effects. As
an example, the calcium sulphate solubility product, Ksp, can be represented by the
following equation (Marshall and Jones, 1966):
Ksp

CaSO 4  xH 2 O(s)  Ca 2  SO 24  xH 2 O

(1.36)

and the second dissociation of sulfuric acid, K 2 , or bisulfate equilibrium as:
K2

HSO 4   H   SO 4 2

(1.37)

K 2 can be obtained by using the molal solubility of CaSO4, s, molality of H2SO4, m, and
the ionic solubility of CaSO4, Ksp :

K2 

K sp  m  s  K sp / s 


8  m  s  K sp / s 

(1.38)

The K2 values were then extrapolated to infinite dilution using a simple Debye-Hückel
equation as given below:
log K 2  log K 2o  4 A

I
o


1  B a I 


o

where A is the Debye-Hückel limiting slope and the B a term was used as a fitting
parameter.
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(1.39)

1.5.2

Electromotive Force (EMF) and Potentiometry

EMF measurements in hydrogen electrode concentration cells have been used by
ORNL to measure ionization constants for many protolytic species from ambient
conditions up to 300 °C and over a wide range of ionic strengths (Palmer et al., 1994)
(Wesolowski et al., 1995).
For the general ionization of a weak acid, HA, the cell can be represented as
follows:
(1.40)

H 2 , Pt mHCl , mNaCl mHA , mNaA , mNaCl Pt , H 2

where the cell containing HCl is a reference cell with a known molality. NaCl is used as a
supporting electrolyte and the cell containing the test solution, HA in this case, is where
the titration is performed. The potential difference between the reference and titration
cells can be represented by the following equation:









E    RT / F  ln m(H ) / m(H )   RT / F  ln  (H ) /  (H )  ELJ (1.41)
r

r

where ELJ is the liquid junction potential.
Using the bisulfate equilibrium, HSO 4   H   SO 4 2 , as an example (Dickson,

et al., 1990), the degree of proton assosication with a sulfate ion is given as:





n  mHCl  mH  mOH / mNa 2SO4

(1.42)

This can be used to determine the equilibrium quotient for the bisulfate dissociation
reaction:
Q  mH mSO 2 / mHSO   (1  n )mH  / n
4

4

(1.43)

Dickson then used a simple extended Debye-Hückel equation to extrapolate to infinite
dilution:
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log  i   zi2 A( I 1/2 ) / (1  bI 1/ 2 )

(1.44)

1.5.3 AC Conductivity Measurements

High temperature electrical conductance can provide extremely accurate results for
ionization constants in the temperature ranges of 400 – 800 °C and pressure ranges of 1 –
4000 bars (Valyashko, 2008). Some previously studied systems include: H2SO4 (Quist et
al., 1965), Na2SO4 (Hnedkovsky et al., 2005), C2H4O2 (Zimmerman and Wood, 2002;
Erickson, et al, 2011) and LiOH, NaOH, KOH (Ho et al., 2000). Modern conductance
instruments can provide accurate thermodynamic data for concentrations on the order of
10-8 M. However, this technique provides no structural information and, due to the
sensitivity of the apparatus, is inherently responsive to impurities.
Conductivity measurements are well suited for studying acid/base ionization
reactions. A simple acid ionization reaction can occur as follows:
HA(aq)  H + (aq)+A - (aq)

(1.45)

The degree of dissociation, α , for the above reaction is related to the molar conductivity
of a fully dissociated weak electrolyte,
electrolyte,

exp

Free=

(H+) + (A-) and a partially dissociated weak

, at the same ionic strength as given below in equation 1.46:
 exp
α=
 (H  )   (A  )

(1.46)

For symmetric electrolytes the molar conductivity can be modelled using the Fuoss –
Hsia – Fernández – Prini (FHFP) equation:
   o  Sc1/ 2  Ec ln c  J1c  J 2 c3/2
where S is the Onsager limiting slope, J1 and J2 depend on the minimum distance of
closest approach for the free ions. The degree of dissociation, α, for a partially dissociated
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symmetrical electrolyte can be related to the molar conductivity by the following
relationship:
  α   o  S (αc)1/2  E (αc) ln(αc)  J1αc  J 2 (αc)3/ 2 

1.5.4

(1.47)

Raman Spectroscopy

Raman spectroscopy is a valuable tool used to probe molecular vibrations in solid,
liquid and gas phases. With this technique, important information can be obtained
regarding molecular symmetry, structure, speciation, and concentration (Long, 2001;
Brooker and Tremaine, 1992). In addition, Raman spectroscopy brings with it advantages
such as: the use in concentrated acid/bases or other supporting electrolytes, ability to
detect impurities, and the ability to analyse aqueous solutions without significant
interference from the solvent while varying the temperature and pressure (Smith and
Dent, 2005; Ratcliffe and Irish, 1984; Dawson, et al., 1986). A drawback is that the
detection limit is on the order of 0.01 mol·kg-1 and, therefore, an appropriate activity
model must be used for thermodynamic calculations.
Although this technique is not as widely used as infrared spectroscopy, these two
methods provide complimentary information regarding molecular systems. IR
spectroscopy is dependant on the change in dipole moment for a particular vibration,
where a Raman transition is only possible if there is a change in polarizability. Therefore,
vibrational transitions that are forbidden in a Raman spectrum may be present in an IR
spectrum. This can be extremely useful for identifying the molecular structure of a
compound with the aid of group theory.
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Raman spectroscopy has become increasingly popular for the study of aqueous
systems under hydrothermal conditions (Rudolph, 2012; Rudolph et al., 2008). This has
been largely motivated by the small diameter of the excitation source which allows for
construction of small sapphire or diamond windows (Palmer et al., 2004) However, care
must be taken while analyzing Raman spectra produced at elevated temperatures as
important intensity corrections should be made. These correction procedures can have
significant changes for the low wavenumber region (Brooker et al., 1988; Murphy et al.,
1989).
High temperature and pressure studies using Raman spectroscopy have been
advanced with the development of the diamond anvil cell (DAC). The general design of a
DAC incorporates two diamonds that are compressed onto a metal sheet around a hole
(ca. 1 mm diameter) that contains a liquid of interest. This essentially creates a
microreactor. The design and robust components of these instruments permits static
pressures of 100 GPa and temperatures reaching to 800 oC (Smith and Fang, 2009). The
extreme conditions of this apparatus is well suited for geochemical experiments as phase
behaviour, solubilities, partition coefficients and viscositites can be explored well beyond
the critical point of H2O.

1.6

Deuterium Isotope effects

Isolation of high quantities of D2O in 1933 by Lewis and MacDonald (Lewis and
MacDonald, 1933) has advanced development for many academic and industrial
applications. Since this time, D2O has been used to experimentally probe reaction
mechanisms, molecular structure, thermodynamics and kinetics (Laughton and
Robertson, 1969).
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The effect of isotopic substitution on chemical equilibria is generally categorized
into primary and secondary isotope effects. Primary isotope effects deal with the cleavage
of a bond that has undergone isotopic substitution. An example of this effect is the
differences in ionization constants for a dissociating H/D in weak acid/base reactions.
Secondary isotope effects are generally smaller in magnitude and incorporate the effects
of solvent–solvent and solvent–solute interactions and designated as solvent isotope
effects (SIE).
In acid/base equilibria, the most significant contribution to the isotope effects is the
change in zero-point energy when replacing the dissociating H for D. This effect is due to
the difference in reduced mass between the two species. Substitution lowers the ground
state energy level for the deuterated species and consequently increases the energy barrier
for dissociation. This becomes very apparent as deuterated species will always have a
lower value for the resulting equilibrium constant, K. The change in chemical properties
upon isotopic substitution has been attributed to the change in molecular vibrations as the
underlying phenomena of isotope effects (Palmer et al., 2004).

1.6.1

Solvation Effects at 298.15 K

Arnett and McKelvey (Arnett and McKelvey, 1969) have compiled a wide variety
of experimental data in order to explore the differences in solvation effects for various
electrolyte and nonelectrolyte molecules between H2O and D2O. Investigation of these
differences consists of comparing the transfer properties, defined as:
 trY o  Y D2O  Y H 2O
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(1.48)

where Y is the partial molar property of the solution. These differences represent the
change in solvation energy upon transfer from H2O to D2O. The general idea behind the
standard Gibbs energy of transfer is that it represents the difference in work done against
the cohesive forces of the solvents to create a cavity where the molecule will be placed.
These differences have been partially attributed to the greater –OD—O strength relative
to –OH—O with a difference of about 0.24 kcal/mole (Nemethy and Scheraga, 1964).
This appears to make sense, as Arnett and McKelvey mention, as D2O is considered a
more “structured” solvent at room temperature.

1.6.1.1 Non-electrolytes

The free energy transfer properties,  tr G o , of nonelectrolytes have shown to be
small with no apparent trend in sign when compared to  tr H o of similar compounds
(Arnett and McKelvey, 1969). The lack of significant trends is also evident when
comparing  tr G o to electrolytes. However,  tr H o and  tr S o show very different
characteristics. The enthalpy of transfer for nonelectrolytes is generally five to ten times
larger compared to  tr G o . This is offset by an equally large  tr S o . The large entropy of
transfer is due to the increase in the degree of “structure” in the immediate vicinity of a
molecule i.e. there is a greater increase in order when a nonelectrolyte is placed in D2O
compared to that of H2O. This trend appears to increase in magnitude with increasing
chain length, however, variation of the head group can alter this relationship. The
contributions from  tr G o ,  tr H o ,  tr S o and  tr C po all decrease and become less sensitive
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to solute structure with increasing temperature. This has been related to the thermal
collapse of the solvent structure.

1.6.1.2 Electrolytes

The free energy transfer properties,  tr G o , for electrolytes are best illustrated by
the alkyl halides. As the anion and cation radii increases so does  tr G o (Greyson, 1962).
The  tr H o values for cations, however, are only about two times the  tr G o values in
comparison to the nonelectrolytes which are much larger. Anions, on the other hand, have
considerably larger values. A general trend for anions and cations with respect to  tr H o
is that these values become more endothermic with increasing radii. With the exception
of Li+ and F-,  tr S o values for electrolytes produces an increase in “structure breaking”
effects moving from H2O to D2O i.e. there is a greater loss of order when an electrolyte is
placed in D2O compared to that of H2O and results with a positive  tr H o and  tr S o . This
is in conflict with the entropy contribution of the Gibbs energy of solvation described by
the Born model, defined as:

S o    ln  / T   G o

(1.49)

As the dielectric constant of light and heavy water are nearly identical at room
temperature the entropy contribution to the solvation energy should be zero, i.e.

 tr S o  0 . However, this is not observed. This is likely due to difference in dielectric
constant between the primary solvation sphere and bulk solvent. Experimental results
show an increase in ionic radius results with an increase in  tr S o while the opposite trend
occurs for nonelectrolytes (Arnett and McKelvey, 1969).
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 cid/Base Equilibria
Laughton and Robertson (Laughton and Robertson, 1969) compiled data
regarding deuterium isotope effects on approximately 150 ionization reactions at 25 °C.
The difference in equilibrium constants for these reactions, pK = pKD2O – pKH2O, is
given in Figure 1.6 with an average value of 0.46 ± 0.2. Major contributions to this effect
have been attributed to the difference in zero point energy upon isotopic substitution and
structural differences between light and heavy water (Laughton and Robertson, 1969).

1.6.3

Temperature Dependence of pK
At elevated temperatures the variation of pK with temperature is limited to only

a handful of studies. Shoesmith and Lee (1976) conducted potentiometric measurements
to determine the ionization of D2O between 298 K and 523 K at saturation pressure.
Mesmer and Herting (1978) used potentiometry to measure the ionization constant of
D2O with additional measurements on the second ionization constant of phosphoric acid
to 300 oC. Lietzke and Stoughton (1961; 1963) conducted independent solubility
measurements to measure the bisulfate ionization constant from 25 °C to 225 °C. More
recently, Bulemela and Tremaine (2009) studied the ionization of boric acid and beta
naphthol using UV visible spectroscopy from 225 °C to 300 °C and Erickson et al.
(2011) measured the ionization constant acetic (368-548 K, 20MPa) and phosphoric acid
using a high temperature conductance flow cell from 95 °C to 275 °C;

As shown in Figure 1.7, a decrease of approximately 0.1 - 0.2 pK units from
ambient to elevated temperatures is common for several of the mentioned systems. This
may
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be due to the differences in solvent structure between H2O and D2O decreasing with
temperature. At temperatures above 100 °C,pK becomes independent of temperature.
An exception to the trend is bisulfate, shown in Figure 1.8, which experienced a
decrease of 0.45 pK units between 25 °C and 200 °C and continued towards negative
values at higher temperatures. Research involving the temperature dependency of the
ionization constant for DSO4- is extremely limited and to the best of our knowledge the
only prior measurements have been conducted by Lietzke and Stoughton in the early
60’s.

1.7

Fundamentals of Raman Spectroscopy

1.7.1

Polarizability and Selection Rules

A quantum mechanical description of the polarizability tensor is required for a
complete description of the Raman emission processes involved, however, the classical
interpretation adequately describes the frequency distribution and selection rules.
Although Raman scattering is a measure of the energy for a particular molecular
vibration, it is the change in the polarizability that a molecule experiences during a
vibration that allows this process to occur.
When a monochromatic plane wave of incident radiation interacts with a molecule,
the electric field of the incident light distorts the electron distribution with respect to the
unperturbed state. Electron distortion occurs in all special dimensions, regardless of the
light only being polarized in one plane. The interaction of the incident radiation on the
electron cloud, relative to the nuclei, can be described by the induced electric dipole
moment.
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In the presence of a fluctuating electric field (i.e. electromagnetic radiation) there
will be an induced dipole moment in the molecule that varies as a function of the
molecular vibration and radiation frequency. The induced dipole moment, p (1) , varies
linearly with the incident electric field vector of the light, E , shown below in equation
1.50:
p (1)    E

(1.50)

The proportionality constant,  , is the polarizability tensor for a given molecule and
physically represents the degree to which an electron cloud in a molecule is distorted.
The superscript (1) on the polarizability tensor indicates the first order component of the
total polarizability. The complete electric dipole vector consists of higher order terms,
including the hyperpolarizability and second hyperpolarizability tensors, but they are
orders of magnitude less in value and will be omitted.
A second-rank tensor, such as the polarizability, is the direct product of two
vectors. In Cartesian coordinates the polarizability can be represented by its nine dyad
components which relate the induced dipole moment of the molecule with electric field
amplitude shown below:
 px    xx
  
 p y     yx
 p    zx
 z 

 xy
 yy
 zy

 xz   Ex 
 
 yz   E y 
 zz   Ez 

(1.51)

In general, the polarizability tensor is dependent on the nuclear coordinates of atoms and,
therefore, sensitive to the vibrational motion of the atoms. The dependency of the
polarizability on the vibrational modes of the molecule can be characterized by
representing each element of the polarizability tensor by a Taylor series expansion shown
below in equation 1.52:
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2
   
1    
Q

 k

2 k ,l  Qk Ql
 Qk o

   (  )o   
k


 Qk Ql ...
o

(1.52)

In the previous equation (  )o represents the magnitude of the polarizability   at the

equilibrium position, Qk, Ql are the normal coordinates that describe the molecular
motions of the vibrations at frequencies k , l ... , and the summation terms of the partial
derivatives of the polarizability with respect to all the normal coordinates. The subscript o
refers to the equilibrium postion.
If the higher order terms are neglected (electrical harmonic approximation) and
only allow one normal mode of vibration, Qk, the polarizability tensor can simplify into
equation 1.53:
(  ) k  (  )o  ( ' ) k Qk

(1.53)

  
( ' ) k    
 Qk o

(1.54)

where, for simplification purposes

In this derivation ( ' ) k makes up the components of what D. A. Long (Long, 2001)
calls the derived polarizability tensor,  'k , where all the derivatives of the polarizability
are with respect to the normal coordinate Qk. However, the derived polarizability tensor
differs in some aspects compared to the equilibrium polarizability tensor as will be shown
below.
It follows that

 k   o   'k Qk
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(1.55)

where the tensor  k contains individual components (  ) k and a scalar quantity Qk that
multiplies all components of  'k . The time dependence of the displacement, Qk, is given
by the following equation assuming simple harmonic motion:
Qk  Qko cos(k t   k )

(1.56)

where Qko is the amplitude of the normal coordinate and δk is a phase factor. By
combining the two previous equations together the time dependent polarizability tensor
for the kth molecular vibration is:

 k   o   k' Qko cos(k t   k )

(1.57)

Now, the frequency, 1 , of the electric field of the incident radiation varies with time
according to the following equation:
E  Eo cos1t

(1.58)

Substituting equation 1.59 and 1.60 into equation 1.50 results in the following
relationship for the induced dipole moment:
p (1)   o Eo cos 1t   k' Eo Qko cos(k t   ) cos 1t

(1.59)

and by using the following trigonometric identity:
cos A cos B  1/ 2 cos( A  B )  cos( A  B )

(1.60)

results in the following simplified expression:
p (1)  p (1) (1 )  p (1) (1  k )  p (1) (1  k )

(1.61)

Equation 1.61 concisely predicts the Raman scattering activity by which oscillating
dipoles radiate energy (photons) at the frequency of oscillation. The first term is the
components of the Rayleigh scattering given by:

p (1) (1 )  poRay cos 1t

47

(1.62)

poRay   Ray  Eo

(1.63)

 Ray   o

(1.64)

The second and third terms are the anti-Stokes and Stokes scattering, respectively, given
by:
p (1) (1  k )  pkRam
o cos(1  k   k )t

(1.65)

pkRam
  kRam  Eo
o

(1.66)

 kRam  1/ 2 k' Qk

(1.67)

A selection rule for observing a vibrational Raman transition is that a molecule
undergoes a change in polarizability during a vibration as shown below:
  

 0
 Qv o

(1.68)

This is a direct consequence of equation 1.52 and means that if the electrons experience a
net change in force during a vibration (i.e. change their ability to be effected by an
external electric field) the Raman effect will be observed.

1.7.2

Isotropic Spectra and Reduced Isotropic Spectra

Within the laboratory setting it is necessary to quantify molecular properties that are
independent of the reference frame, especially in liquid or gas phase where the molecules
are randomly oriented. There are three different rotational invariants that compose a
second rank tensor: the mean polarizability, a , the antisymmetric anisotropy,  , and the
anisotropy,  .
The mean polarizability, given below in equation 1.69, is the trace of the
polarizability tensor and independent of rotation of the coordinate axis.
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a  1/ 3( xx   yy   zz )

(1.69)

The anisotropic portion of the polarizability tensor is given below:
  1/ 2[( xx   yy ) 2  ( yy   zz ) 2  ( zz   xx ) 2  6( 2xy   2xz   2yz )] (1.70)

Scattered radiation that is collected parallel to the incident radiation contains both
isotropic and anistropic information about to the polarizability tensor of the molecule:
2  1/ 45(45 2  4  2 )

(1.71)

When the scattered radiation is collected perpendicular to the incident radiation the
information contains only the anisotropic information, given below:
 2 

1 2

15

(1.72)

The difference between the parallel and perpendicular scattered radiation, yields the
isotropic spectrum:
I iso  I   4 / 3I 

(1.73)

The isotropic spectrum is shown in Figure 1.9 for a 0.1082 bisulfate solution.
Another important quantity derived from polarized Raman measurements is the
depolarization ratio. This quantity is defined as the ratio of perpendicular and parallel
scattered radiation:



I
I

(1.74)

Totally symmetric molecular vibrations will have values between 0 – 0.75 while non
symmetric vibrations will be between 0.75 – 1. As a result, non-symmetric vibrational
modes are absent in the isotropic spectrum.
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Figure 1.9 - Isotropic, Iiso, Raman spectrum for 0.1082 m light water bisulfate
solution
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The intensity of a Raman spectrum is given by equation 1.75 (Brooker et al., 1989):
I (v )  C ( o  i ) 4 i1 B 1Si

(1.75)

where Cinstr represents instrumental parameters such as instrument response, slit width,
solid collection angle and absorption due to colour;  o is the absolute value of the
excitation in wavenumber units; and  i is the frequency difference of the scattered
radiation (i.e. the Raman shift). Si is the intrinsic molar scattering activity at a given
frequency for a Raman scattering event. B is defined below, in equation 1.76, and
accounts for thermal effects described by the Boltzman distribution:

 h c 
B  1  exp   i 
 kT 

(1.76)

where h is Plancks constant, k is Boltzmann’s constant, c is the speed of light and T is the
absolute temperature.
Additional corrections can be made to the Raman spectra to account for
temperature and frequency contributions to the intensity (Brooker et al., 1988) and
references within). These yield the reduced parallel, R|| ( ) , and reduced perpendicular,

R ( ) , spectrum:
R|| ( i )  I|| ( i )( o  vi ) 4 ( i ) B

(1.77)

R ( i )  I  ( i )( o  i ) 4 ( i ) B

(1.78)

In this study, the reduced isotropic spectrum was used for calculating the integrated areas
of the vibrational bands:

Riso ( i )  I iso ( i )( o  i ) 4 ( i ) B
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(1.79)

Although the use of Riso ( i ) has the most pronounced effect in the low
wavenumber region (10-200 cm-1) of the spectrum it has been suggested that all
quantitative Raman data treatments should be based on this procedure, regardless of the
region under observation (Brooker et al., 1989).

1.7.3

Raman Spectra of Aqueous Solutions

For the spectra of solutions containing multiple solutes, j, each with i vibrational
bands, these expressions take the form:
I Iso ( i )  CInstr  o  i   i 1 B 1  c j  Si , j  CInstr  o  i   i 1  c j  J i , j
4

4

j

i

j

(1.80)

i

and
RIso ( i )  CInstr  c j  Si , j
j

(1.81)

i

where Ji,j and Si,j are the Raman scattering factor and reduced Raman scattering factor,
respectively. The reduced isotropic spectra, Riso ( i ) , are used for quantitative data
treatments, rather than I iso ( i ) because the integrated peak areas of the i vibrational
bands, Ai,j, for each species, j, are proportional to the molar concentration at all
temperatures and frequencies,
Ai , j  Si , j c j  Si , j m j Soln

(1.82)

and because the removal of the ( o  i ) 4 i 1 term simplifies the baseline subtraction.
The reduced scattering factor Si is related to the isotropic scattering factor Ji, by the
relationship: Si = B Ji.
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1.8

Objectives of Thesis

For the first time, Raman spectroscopy will be used to quantify the temperature
dependence of the deuterium isotope effect, pK. A custom-built Horiba Jobin Yvon
HR800 LabRam system, equipped with both microprobe and macrochamber, will provide

quantitative and qualitative data regarding the small differences between light and heavy
water electrolyte solutions at elevated temperatrures. In addition to providing data for
fundamental research, the results obtained from the systems under study will be used to
model metal hydrolysis equilibria from light water measurements.
Multiple systems were explored, each with their own set of challenges. Three of
these systems are Na3PO4, NaB(OH)4 and KHSO4. The main body of the thesis reports
the results for bisulfate, DSO4-. Experimental methods are described in chapter 2 with
results and discussion in chapter 3. Theoretical interpretations are discussed in chapter 4
with concluding remarks in chapter 5. The borate and phosphate results are reported in
APPENDIX 1 and 2. The high alkalinity of these solutions, combined with the harsh
temperatures of these environments, made sample containment an issue. Silica
dissolution was observed in both Pyrex and quartz cells. The resulting effects on pK
have been discussed.
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2.0
2.1

EXPERIMENTAL METHODS

D2O Handling and Isotopic Purity

Heavy water was supplied by Ontario Power Generation and the purity (99.8 mol
% D) was confirmed by 1H NMR techniques by where standard aliquots of glacial acetic
acid (Sigma Aldrich, 99.85%) were added as an internal reference to D2O. The methyl
group of acetic acid has a strong 1H NMR peak that was used to determine the amount of
isotopic contamination. Extreme caution was taken to limit atmospheric contamination of
D2O solutions which were made in a glove bag under a positive pressure of argon gas.

2.2

Chemicals and Solution Preparation

2.2.1

Bisulfate System
Reagent grade anhydrous potassium bisulfate (>99%), KHSO4, was purchased

from Sigma-Aldrich and used to prepare both the heavy (D2O) and light (H2O) water
solutions. KHSO4 was dried in an oven at 105 °C to constant mass (wt < 0.04%) and
allowed to cool in a dessicator prior to use. Light water solutions were prepared using
H2O from a Millipore Direct-Q 5 water purification system. Aqueous solutions in both
light and heavy water were prepared gravimetrically to a relative precision of ± 0.0025
%. In heavy water solutions the hydrogen in HSO4− will undergo a complete exchange
with D2O, resulting in an overall HSO4-/DSO4- ratio of 0.1%, therefore, contamination of
H is minimal. Clear fused quartz tubing used to make cells - Type 214 ( 5.0 mm outer

diameter (o.d.) and 3.0 mm inner diameter (i.d) and 85 mm in height) was purchased
from Momentive. Tubes were sealed at one end with a gas torch, immersed in Millipore
H2O for a period of 24 hours and dried in an oven prior to filling. Fresh solutions were
loaded into the quartz tubing with a disposable polyethylene pipette, then quickly sealed
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with a torch. All sealed tubes containing solutions were pressure tested in a convection
oven at a temperature 25 °C above the experimental operating conditions prior to use.
It has been previously shown (Rudolph, 1996) that if the stoichiometric molality
of KHSO4 is accurately known then no internal standard is needed for these experiments.
Also, the absence of an internal standard prevents ionic strength contributions to the
equilibrium calculations and ion pairing complications at elevated temperatures so none
was used in this study. To ensure that at no mechanical or optical deviations occurred
during an experiment, an external standard of approximately 1 mol·kg-1 solution of
perchlorate was measured before and after the measurements.

2.2.2

Phosphate System

Due to the excess NaOH associated with the production of trisodium phosphate,
Na3PO4, reagent grade dibasic sodium phosphate, Na2HPO4, was used to prepare all
solutions. Dibasic sodium phosphate was dried in an oven at 130 oC to constant mass
(wt% < 0.15%) and let cool in a dessicator prior to use. NaOH and NaOD solutions
were standardized by mass using potassium hydrogen phthalate (KHP) and a
phenolphthalein indicator. The KHP was heated in an oven at 110 °C for 4 hours and let
cool in a dessicator prior to use. All deuterated solutions were prepared under an inert
atmosphere of argon to prevent atmospheric contamination. A stoichiometric amount of
standardized NaOH/NaOD solution was then added to produce the desired phosphate
molality. Scoping studies were conducted in Pyrex and quartz tubes.
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2.2.3

Boric Acid System

Deuterated boric acid, D3BO3 (98% atom), and the protonated analog, H3BO3
(99.99%), was purchased from Sigma Aldrich with no further modifications. NaOH and
NaOD solutions were prepared in an analogous manner to the method described in the
phosphate solution preparation. A stoichiometric amount was then added to aqueous
B(OH)3 to produce the desired borate, B(OH)4- solution. Scoping studies were only
conducted using Pyrex tubing. All deuterated solutions were prepared under a positive
pressure of argon.

2.3

Instrumentation

2.3.1

Raman Spectrometer
Experiments were performed using a custom Horiba Jobin Yvon HR800 LabRam

system. The instrument is equipped with an 800 mm focal length spectrograph; a 532 nm,

250 mW, Torus-200 diode-pumped solid-state (DPSS) laser; an edge filter with a Stokes
edge of less than 120 cm-1; a 1024 × 256 pixel CCD detector that is Peltier-cooled to
approximately -60 °C; an 1800 line/mm holographic grating; a polarizer; and a scrambler.
Samples were placed inside a macrochamber where the scattered radiation was collected

in a 90° configuration, with slit widths of 1000 μm. Scattered radiation was collected
using a 1024 x 256 pixel CCD detector that is cooled by a Peltier device to approximately
-60 °C. All spectra for both light and heavy water solutions were collected from 100 cm-1
to 1400 cm-1 over nine 30 second acquisition times and averaged.
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2.3.2

Temperature Controllers
Figure 2.1 shows the inside of the macrochamber with the low temperature (<100

°C) cell in operation. Either cylindrical tubes or cuvettes can be used for scattering
experiments with this cell. The incident radiation enters the cell through a 5 mm hole
where it then interacts with the solution sample. Scattered radiation exits the cell through
an additional 5 mm hole that is located in a 90° orientation from the incident light. The
low temperature cell consists of two calibrated Peltier devices, a heat sink and a fan
which assists in cooling. Conditions inside the cell were measured using a RTD located

inside the thermostatted compartment near the sample tubes, and input to a computer
using an MCC USB-Temp high resolution analog-to-digital converter (ADC).
LabView© VM software used this information to control the voltage level and polarity
applied to the Peltier device, which in turn controlled the cell temperature to provide a
thermal stability of ±0.10 °C.
High temperature (>100 °C) measurements were made using a sample holder
constructed from an insulated copper tube (approximately 10 cm long). This air-cooled
cell incorporates a cartridge heater that wraps around a sheet of metal which is encased
within the hollow portion of the assembly. Glass tubes with the same dimensions as the
low temperature cell were used. Temperature was controlled by providing power from a
resistance heater located at the base of the cell. Mechanical components of the high
temperature cell were acquired from Omega and connected to a calibrated thermocouple
for temperature monitoring. The thermal stability of the high temperature cell is ± 0.50
°C. The cell was constructed by I. Renaud
.
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Figure 2.1 – The low temperature cell which is used for scattering experiments inside the
macrochamber. The top of the sample tube is visible above the square isothermal cell
block.

Figure 2.2 – The components of the high temperature cell showing the copper tube, with
the insolating cover removed and copper heateer.
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2.3.3

Data Treatment
Computer software OriginPro© version 8.5.1 was used for resolving the

vibrational bands in each spectrum. Peak fitting procedures in OriginPro© follow an
iterative approach where by the reduced chi-squared value is minimized and converges
based on a preset tolerance limit. In an effort to avoid converging in local minima,
repeated band fittings were performed for each spectrum in which the starting positions
of the iteration process were systematically varied over the vibrational bands of interest.

The vibrational bands were fitted with a Voigt function (Gauglitz, et al., 1999)
which incorporates Lorentzian and Gaussian line profiles shown below:
2 ln 2 W
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(2.1)

Here, yo is the offset, xc is the center of the vibrational mode, A is the amplitude, WG and
WL are the Gaussian and Lorentzian widths, respectively. In addition, no smoothing
techniques were used on any of the spectra.
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3.0
DEUTERIUM ISOTOPE EFFECTS ON THE IONIZATION OF
AQUEOUS BISULFATE FROM 25 °C TO 200 °C AT SATURATION PRESSURE
3.1

Introduction

Previous solubility measurements (Lietzke and Stoughton, 1963) to determine the
temperature dependence of pK for the ionization of bisulfate have reported trends that
are inconsistent with similar systems (Mesmer et al., 1988; Erickson, et al., 2011). An
alternative method, Raman spectroscopy, will be used to verify the solubility results and
provide insight regarding deuterium isotope effects under hydrothermal conditions.
Quantitative spectroscopic techniques under elevated temperatures and pressures
present many challenges. In this study, spectral analysis of heavy water results was
complicated by a solvent bending vibration that interfered with the deuterated bisulfate
bands. Also, at elevated temperatures the sample containers showed signs of
decomposition. Additional issues regarding the inconsistencies in scattering factors
between two previous studies became problematic. These matters are discussed in detail
in following sections.

3.2

Determination of the Second Ionization Constant for Sulfuric Acid, K2
The ionization of bisulfate can be represented by the reaction:

HSO 4  (aq)  H  (aq)  SO 4 2 (aq)

(3.1)

The resulting equilibrium constant, K2, is defined below:
K2 

aH  aSO 2
4

aHSO 

 QmQ 

4

mH  mSO 2  H   SO 2
4

mHSO 
4

4

 HSO 

(3.2)

4

where a is the activity, Qm is the equilibrium quotient, Qγ is the activity quotient, m is
the molality (mol kg-1), and γ is the activity coefficient of each species. The degree of
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dissociation, , is defined as the fraction of sulfate at equilibrium with respect to the
initial stoichiometric amount of bisulfate, mKHSO4:

  mSO 2 / mKHSO4

(3.3)

4

The equilibrium quotient can be derived from the experimental parameters, α and

mKHSO4 :
Q2 

 2 mKHSO4

(3.4)

1 

As was done by Rudolph (1996), the value for can be described by equation 3.5:

ASO 2 SHSO 
4
4
  1 

 AHSO  SSO 2

4
4






(3.5)

where A represents the integrated area for the bisulfate 1050 cm-1 and sulfate 980 cm-1
vibrational bands and S are the corresponding values of the scattering coefficients.
The objective of this research is to quantitatively determine the integrated areas of
the bisulfate and sulfate vibrational modes, AHSO4 / ASO42 , from ambient to hydrothermal
conditions. This will provide the necessary requirements to calculate

and, ultimately,

the equilibrium constant, K, as a function of temperature.

3.3

Experimental Methods

3.3.1

Low and High Temperature Glass Composition

Initial Raman measurements were conducted using Pyrex® tubing and ranged in
bisulfate concentrations from 0.001 mol·kg-1 to 1.0 mol·kg-1. As temperatures were
increased to 150 °C and above, the silicic acid vibrational band appeared in both the
heavy (768 cm-1) and light water (780 cm-1) solution spectra, indicating dissolution at
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concentrations high enough to affect the solution pH. Measurements were then made in
quartz tubing to alleviate this problem. An optimal value of 0.05 mol·kg-1 (I = 0.1
mol·kg-1) of KHSO4 was used for the results in quartz and the equilibrium constant
calculations.

3.3.2

Data Treatment
Scattered radiation was collected in a 90° polarization. From this, the scattered

light was collected parallel, I  , and perpendicular, I  , to the incident beam in order to
generate the isotopic spectrum, I iso  I   4 / 3I  . Intensity corrections were then made to
produce the reduced isotropic spectrum which was used for quantitative analysis.

3.3.3

Solvent Subtraction
Prior to analysis, a subtraction of the solvent bands was carried out on the spectra

for both heavy and light water solutions. This subtraction was required to remove the
contribution of the vibrational bending mode (v2) of D2O located at approximately 1200
cm-1 and was applied to the light water system for internal consistency. The solvent and
solution spectrum were both measured on the same day, at the same operating condition.

Solvent subtraction was carried out over the region from 700 to 1400 cm-1. Nodes
were selected at 700 cm-1 and 1400 cm-1 and then linearly connected and set to zero
intensity units for both pure and bisulfate solutions. It is important that these anchor
points are not positioned at a frequency that varies with intensity over the temperature
ranges studied and should be monitored prior to analysis, as was done here. The data
were then subtracted using OriginPro© version 8.5.1 with the background subtraction

62

function. This left only the intensity of the vibrational modes of the solutes while
excluding the solvent contributions. After the solvent subtraction there were no further
data manipulations.

3.4

Results

3.4.1

Temperature Dependent Solution Spectra
Figure 3.1 shows the subtraction of the solvent band from the spectrum of the

deuterated bisulfate system at 150 °C. The resulting spectra of all the solutions in both
light and heavy water from 25 °C to 200 °C are presented in Figure 3.2.
As with previous research (Rudolph, 1996), the symmetric oxygen stretch, 1(A1)S(O3), found in light water at 1050 cm-1 at 25 °C was used to quantify relative
concentration of the bisulfate anion. The corresponding deuterated vibrational band is
found at approximately 1060 cm-1. This vibrational mode contains a low frequency
contribution that has been associated with bisulfate, however, the exact origin of the
additional vibrational band is inconclusive. This low frequency band is also present for
the deuterated species.
A second vibrational band of interest associated with bisulfate is the S-OH/D
symmetric stretch, (A1)-S(OH/D) which is found at approximately 900 cm-1 and 890 cm1

in light and heavy water, respectively.
The most intense symmetric oxygen stretch, 1(A1)-S(O4), found at approximately

980 cm-1 was used to quantify the relative concentrations of sulfate ion (Rudolph, 1996).
This sulfate band is found at the same wavenumber in heavy water.
The temperature-dependent experimental frequencies (cm-1) and full width at half
maximum (FWHM) for the vibrational bands of HSO4- and SO42-, shown in Figure 3.2,
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Figure 3.1 – (a) Reduced Raman spectra of a 0.0501 m DSO4- solution at 150 °C and
pure D2O solvent (b) Reduced Raman spectrum at 150 °C after the solvent subtraction.
.
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Figure 3.2 - Reduced isotropic spectra for bisulfate ionization in H2O-0.0556 m (below) and D2O-0.0501 m (above) from 25 °C to 200
°C.
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Table 3.1 - Band assignments for the heavy and light water systems from 25 °C to 200 °C
with associated vibrational frequencies and FWHM.

Wavenumber/cm-1 (FWHM/cm-1)

Band assignment
-

HSO4 , νS(OH)
SO42-, ν1a1
HSO4-,νSO3
HSO4DSO4-, νS(OD)
SO42-, ν1a1
DSO4-,νSO3
DSO4-

25 °C
908.6 (47.5)
992.8 (9.1)
1065.1 (14.7)
1057.3 (37.1)
894.0 (49.4)
993.0 (9.2)
1068.2 (16.9)
1051.9 (25.8)

80 °C
894.5 (55.0)
989.5 (9.4)
1063.2 (19.0)
1046.1 (28.3)
880.3 (46.1)
989.2 (9.2)
1066.1 (15.5)
1053.3 (19.6)
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150 °C
876.3 (46.6)
986.0 (14.3)
1063.4 (15.8)
1050.0 (18.2)
864.2 (43.5)
986.8 (13.2)
1065.9 (13.7)
1051.9 (15.3)

200 °C
858.0 (47.9)
978.3 (18.5)
1056.4 (17.7)
1052.4 (45.7)
847.8 (46.5)
980.1 (18.5)
1060.1 (13.9)
1047.7 (13.5)

are tabulated in Table 3.1 and discussed in section 3.5.2. At 200 °C the degree of
ionization to form the sulfate ion is small and bisulfate has become the dominant species
in solution.

3.4.2

Equilibrium Constants and Thermodynamic Analysis

The equilibrium quotients, Q2, were calculated at each temperature from the
integrated intensities of the light (0.0556 mol·kg-1) and heavy (0.0501 mol·kg-1) water
bisulfate solutions. The results of these calculations are presented in Tables 3.2 and 3.3.
Equilibrium quotients were calculated in a similar method to Rudolph (1996)
using the values for R  SSO2 / SHSO , A, and the stoichiometric molalities of potassium
4

4

bisulfate, mKHSO4 , according to the expression:

Q2  ( A2 R 2  AR) 1 mKHSO4

(3.6)

The ionic strength is described by the relationship:

I  mKHSO4 (1  2)

(3.7)

Equilibrium constants were determined from experimental values of Q by use of a
Debye-Hückel activity coefficient model:

log10  i  

zi2 A I
o

(3.8)

1 B a I
o

where A and B are the Debye-Hückel constants, , a is the ion size parameter, zi is the
o

charge on the species and I is the ionic strength of the solution. A fixed value for the B a
o

term between 0.5 < B a < 2.0 with no additional Debye-Hückel terms works for many
ionization reactions up to I < 1 mol kg-1 at temperatures from 100 °C to 250 °C
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Table 3.2 - Integrated areas with associated thermodynamic properties for HSO4- ionization compared to Dickson’s
potentiometric calculations.*

t (°C)

A(HSO4-) / 104

A(SO42-) / 104

I (mol kg-1)

α

Q / 10-4

-logQm
Exp.

-logQm
Dickson

-logQγ

-logK

25
80
150
200

0.2875
0.5216
1.221
0.9877

0.4783
0.2467
0.1723
0.05947

0.1176
0.08492
0.06633
0.06045

0.5573
0.2636
0.0965
0.0436

390.1
52.46
5.728
1.104

1.4089
2.2801
3.2420
3.9571

1.4584
2.2610
3.2589
3.9359

0.5207
0.5148
0.5629
0.6355

1.930 (0.020)
2.795 (0.040)
3.805 (0.060)
4.593 (0.059)

Table 3.3 - Integrated areas with associated thermodynamic properties for DSO4- ionization on the molality and aquamolality
scales.

t (°C)

A(DSO4-) / 104

A(SO42-) / 104

I (mol kg-1)

α

Q / 10-4

-logQ

-logQγ

-logKmolal

-logKaq

25
80
150
200

0.4118
0.5283
1.068
1.069

3610.58
1524.16
923.36
434.40

0.08997
0.06798
0.05619
0.05303

0.3988
0.1792
0.0614
0.0298

132.4
19.57
2.011
0.4592

1.8781
2.7083
3.6966
4.3380

0.4978
0.4999
0.5586
0.6390

2.376 (0.043)
3.208 (0.071)
4.255 (0.037)
4.977 (0.074)

2.330
3.162
4.209
4.931

*Uncertainty estimates in logK are given in parentheses.
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Table 3.4 - Debye-Hückel limiting slopes for heavy and light

t ( °C )

AH2O / kg1/2 mol-1/2

AD2O / kg1/2 mol-1/2*

25
80
150
200

0.5098
0.5704
0.6871
0.8051

0.5395
0.6043
0.7288
0.8534

* AD2O is relative to the mo = 1 mol·kg-1 standard state
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(Marshall and Jones, 1966).The solubility studies conducted by Marshall and Jones
(1966) on the bisulfate system showed that this model is valid over the temperature range
o

of 25 °C to 350 °C. For this study the B a term is given as unity (Guntelberg, 1926). The
Debye-Hückel limiting slopes, A, for both light and heavy water solutions are listed
below in Table 3.4.

Uncertainty estimates in the final equilibrium constants were calculated from
partial derivatives of the equilibrium quotient with respect to the standard error of the
integrated areas.

3.4.2.1 KHSO4 Ionization Constants
Experimental pK values from the current Raman work are compared with Noyes
data and other more recent literature results in Figure 3.3 (a) (Laughton and Robertson,
1969; Hnedkovsky et al., 2005; Dickson et al., 1990; Dawson et al., 1986; Lietzke et al.,
1961). The relative difference of K, with respect to our Raman results is plotted in Figure
3.3 (b).
A density model has been fitted to the current Raman data according to the
following equation (Oelkers et al., 2009}):

log K  p1 

p2 p3 log ρ

T
T

(3.9)

where p1, p2 and p3 are fitting parameters and is the density of the solvent acquired from
the NIST steam tables. Fitting parameters are tabulated in Table 3.5 for both heavy and
light water ionization reactions.
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Figure 3.3 - (a) Experimental light water bisulfate equilibrium constant compared with
literature results. (b) Relative difference of bisulfate equilibrium constant data with
respect to our experimental Raman results.
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Table 3.5 - Fitting parameters for the heavy and light water systems from 25 °C to 200
°C according to logK = p1 + p2/T + p3log /T
Value
Standard Error
2
KHSO4 (R = 0.9997)

p1
p2
p3

-4.95
912.37
11708.5

0.581
176.95
1690.72

-5.78
570.87
10300.5

0.0721
31.222
210.49

KDSO4 (R2 = 1.0000)

p1
p2
p3
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Figure 3.4 - (a) Comparison of experimental equilibrium quotients, pQ2, from our Raman
results with Dickson’s potentiometric measurements (b) Relative difference of
experimental Raman results with respect to Dickson’s potentiometric data, (Qexp –
QDickson)/Qexp
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The light water equilibrium quotients, Qm, are compared to those from Dickson’s
(1990) potentiometric measurements in Figure 3.4. The corresponding values are listed in
Table 3.2 at the same ionic strength. Dickson et al. used NaCl as a supporting electrolyte
to vary the ionic strength from 0.1 mol·kg-1 to 5.0 mol·kg-1 and explore temperature
effects ranging from 50 °C to 250 °C. Our experimental results are comparable to
Dickson’s measurements with the largest relative difference occurring at 25 °C with an
approximate 12% deviation.
At temperatures greater than 25 °C the equilibrium quotients are within the combined
experimental uncertainties.
Figure 3.5 plots the experimental Raman results for the bisulfate ionization
constants in light water (with the associated density model fit) compared to Lietzke and
Stoughton’s experimental and fitted values from their solubility data. The density model
fitted to Lietzke and Stoughton’s measurements correspond to equation 3.10:

log K 2 

557.2
 5.350  0.01834T
T

(3.10)

where T is the absolute temperature.

At 25 °C, the experimental value of pK2 = 1.891 from Lietzke and Stoughton’s
solubility measurements is in close agreement to 1.930 ± 0.022 from the present study
and remains within experimental error up to 80 °C. At temperatures greater than 80 °C
the difference in pK values between the two studies increases. Lietzke and Stoughton’s
fitted results exhibit a more linear trend, with deviations increasing at temperatures above
50 °C relative to the Raman results.

.
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Figure 3.5 - (a) Experimental light water bisulfate equilibrium constants with density
model fit compared with Lietzke and Stoughton’s experimental solubility calculations (b)
Experimental light water bisulfate equilibrium constant with density model fit compared
with Lietzke and Stoughton’s fitted expression for pK vs. T.
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3.4.2.2 KDSO4 Ionization Constants

Raman results for the DSO4- ionization constant are listed in Table 3.3 and a
comparison to Lietzke’s results plotted in Figure 3.6. Results at 25 °C are identical
(within experimental error) to values from Lietzke and Stoughton’s solubility
measurement. However, significant deviations begin to occur at temperatures greater than
50 °C. This difference reaches a maximum at 200 °C with the Raman results
approximately 0.5 pK units greater than those from the solubility measurements.

pK Results
Results for both light and heavy water bisulfate ionization constants from Tables
3.2 and 3.3 are plotted in Figure 3.7 with their associated density model fits. The
corresponding values of pK from both our experimental and fitted values from this work
are compared to Lietzke and Stoughton’s (1963) values in Figure 3.8. At 25 °C the
experimental data from both pK measurements are identical. However, due to the large
differences between the solubility and Raman measurements for the DSO4- equilibrium
constant, pK values at elevated temperature are significantly different. This results in an
almost constant pK ≈ 0.425 ± 0.076 over the temperature range under study.
The current study was limited to temperatures below 200 °C, however, Lietzke
and Stoughton reported a reversal in pK at temperatures above 200 °C, from pK > 0 to

pK < 0.
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Figure 3.6 - (a) Experimental heavy water bisulfate equilibrium constants on the molality
scale compared with Lietzke and Stoughton’s experimental solubility measurements (b)
Experimental heavy water bisulfate equilibrium constants from this work are compared
with Lietzke and Stoughton’s (1963) fitted solubility results.
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Figure 3.7 - Experimental pKmolal results for bisulfate ionization in light and heavy water
between 25 °C and 200 °C from Raman measurments.
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Figure 3.8 - pKmolal comparison of Raman results (•) with Lietzke’s (  ) - (a)
experimental data (b) Fitted data. Uncertainty limits in Lietzke’s results are from the
deuterated bisulfate only.
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3.4.3

Effects of Quartz Solubility
Our initial Raman experiments were conducted using Pyrex ampoules (80.6%

SiO2, 12.6% B2O3, 4.2% Na2O, 2.2% Al2O3, 0.04% Fe2O3, 0.1% CaO, 0.05% MgO, and
0.1% Cl). Two of the primary components contained in Pyrex are silicon dioxide,
SiO2(s), and boron trioxide, B2O3(s). Dissolution of SiO2(s) under aqueous conditions
produces the neutral species silicic acid, H 4SiO 4 , which is the predominant species below
600 °C (Zotov and Keppler, 2002) and described by the following equilibrium:

SiO 2 (s)+2H 2 O(l)  H 4SiO 4 (aq)

(3.11)

In a similar manner, B2O3(s) dissolution can be described by the reaction:
B2 O3 (s)  3H 2 O(l)  2H 3 BO3 (aq)

(3.12)

At temperatures of 150 °C and above, the symmetric vibrational bands appearred at 783
cm-1 and 878 cm-1, respectively. These correspond to symmetric vibrational bands of
H4SiO4 (McIntosh et al., 2011), and H3BO3 (Brooker and Tremaine, 1992). The
deuterated analogs are found at 768 cm-1 for D4SiO4 and 810 cm-1 for D3BO3. The pure
solvent and bisulfate solution spectra for light and heavy water systems are given in
Figures 3.9 – 3.12.
The reduced isotropic, solvent-subtracted, vibrational envelopes for independently
made solutions of bisulfate (0.05 mol·kg-1) in fused quartz and Pyrex ampoules are given
in Figure 3.13. At 80 °C the differences between the quartz and Pyrex ampoules are
negligible. However, in Figure 3.14, at 200 °C the differences are significant with a
considerable reduction in DSO4- intensity while SO42- remains relatively constant.
Independently repeated measurements in quartz tubing for the KDSO4 system are shown
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Figure 3.9 - Reduced isotropic light water spectrum of 0.05170 m bisulfate solution
(above) and pure solvent (below) at 150 °C in Pyrex tubes.
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Figure 3.10 - Reduced isotropic spectrum of 0.04652 m heavy water bisulfate solution
(above) and pure solvent (below) at 150 °C.
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Figure 3.11 - Reduced isotropic spectrum of 0.05170 m light water bisulfate solution
(above) and pure solvent (below) at 200 °C.
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Figure 3.12 - Reduced isotropic spectrum of 0.04652 m heavy water bisulfate solution
(above) and pure solvent (below) at 200 °C.
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in Figure 3.15 with minor differences between the experimental results at 150 °C and 200
°C.

3.5

Discussion

3.5.1

Raman Scattering Coefficients
The only two literature results for the scattering factors of the bisulfate/sulfate

system at elevated temperatures are not consistent with one another. The scattering factor
ratio obtained by Dawson (1986) is JSO42-/JHSO4- = 0.9725, while that reported by Rudolph
(Rudolph, 1996) is SSO42-/SHSO4-= 1.32166. While Dawson measured J values from
isotropic spectra rather than the relative molar scattering coefficients, S, the ratios of
JSO42-/JHSO4-should be comparable at these frequencies (i.e. JSO42-/JHSO4-  SSO42-/SHSO4- )
(Rudolph, 1996). However, this is not the case.
Although perchlorate (ClO4-) was used as an internal standard for both
measurements the values are significantly different. These differences could arise from
the experimental conditions (Lewis and Edwards, 2001). Dawson used a bisulfate
solution with 0.3 m NaClO4 while Rudolph measured the bisulfate solutions at elevated
temperatures with additional HCl (0.598 m) in order to suppress any SO42- in solution. In
addition, the studies were conducted under different conditions. Dawson’s sample cell
contained only liquid phase maintained at a constant pressure of 10 MPa while Rudolph’s
samples were sealed inside a closed ampoule and measured at saturation pressure.
Scattering ratios obtained by Rudolph (1996) provided values for the equilibrium
quotient, Q, in much better agreement to those from Dickson et al.’s potentiometric
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measurements and, therefore, are used for this analysis. In this paper, it is assumed that
the light and heavy water values are identical R (SSO42-/SHSO4-) = R (SSO42-/SDSO4-).

3.5.2

Effect of Temperature on Vibrational Frequencies

Frequencies for the v(a1)-S(OH/OD) vibrational stretching mode of the bisulfate
anion are plotted in Figure 3.16 as a function of temperature. The v(a1) frequency
decreases by approximately 50 cm-1 as the temperature is raised from 25 °C to 200 °C in
both solvents. A decrease of only 14 cm-1 was observed for the SO42- symmetric
stretch,ν1(A1)-S(O4). This decrease has been previously reported as being due to the
decrease in hydrogen bonding interactions with the solvent (Dawson, et al., 1986). At
ambient temperatures there are strong hydrogen bonding interactions between the
bisulfate anion and water, S-O-H---OH2. This effectively increases the O-H bond length
and simultaneously reduces the S-(OH) bond length and increase the force constant
between sulfur and oxygen. As the temperature is increased the hydrogen bonding
interactions are reduced and the vibrational frequency decreases accordingly.

3.5.3

Effect of Isotopic Substitution on Vibrational Frequencies
The systematic difference between the v(S-OH/D) vibrational frequency of DSO4-

and HSO4- in Figure 3.16 is primarily due to the difference in reduced masses between
the two species. Isotopic substitution changes the ratio of the reduced masses and,
ultimately, the vibrational frequencies. This relationship can be described by simple
harmonic vibration shown below in equation 3.13:

 H /  D  D / H
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(3.13)
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Figure 3.16 - Symmetric S-(OH/OD) vibrational frequencies for bisulfate between 25 °C
and 200 °C.
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where vH and vD are the vibrational frequencies of the protonated and deuterated OH
functional groups, respectively, and μH and μD are the corresponding reduced masses.
Calculations for the right side of equation 3.13 result in a value of νH/ νD = 1.023.
Observed experimental results at 25 °C and 200 °C are 1.016 and 1.013, respectively.
The differences from theoretical values are likely due to solvation effects.

3.5.4 Comparison of log K DSO4 with Other Workers
There are increasingly significant differences between the ionization constants
obtained from solubility and Raman measurements at temperatures greater than 80 °C.
Equilibrium constants for DSO4- obtained from both Pyrex and clear fused quartz
ampoules are compared in Figure 3.17 along with data from Lietzke and Stoughton’s
(1963) solubility measurements. This discrepancy is possibly due to the dissolution of the
sample container under elevated conditions. Lietzke and Stoughton’s experimental
procedure (Lietzke and Stoughton, 1956) employed fused silica tubes for the sample
containment. These have been shown to have lower activation energy for silicate
dissolution compared to fused quartz over the temperature ranges under observation
(Rimstidt and Barnes, 1980) (Icenhower and Dove, 2000).
Equilbrium effects on the bisulfate system could be resulting from several
contributions. Competing equilibria from the SiO2 dissolution, silicic acid and bisulfate
ionization as given below:

SiO 2 (s)  2H 2 O(l)  SO 4 2 (aq)  H 3SiO 4  (aq)  HSO 4  (aq)

(3.14)

The light water equilibrium constant for the ionization reaction of silicic acid is 9.84, and
as pK values tend to increase inversely proportional to the strength of the acid, this
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Figure 3.17 - Experimental pKDSO4- values in fused quartz and Pyrex ampoules
compared with Lietzke and Stoughton’s (1963) solubility data.
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contribution could provide an explanation to the observed decrease in the DSO4equilibrium.
A model proposed by Marshall and Chen (Marshall and Chen, 1982) for the
enhanced solubility of amorphous silica in Na2SO4 solutions could also provide an
additional explanation for the large discrepancy of the DSO4- equilibrium. Marshall and
Chen observed, in addition to other studies (Bai, et al., 2009), that Na2SO4 decreased the
solubility of silica when temperatures were below 150 °C and increased the solubility
upon heating. The decrease in solubility was common to MgCl2, NaCl and MgSO4,
however, sodium sulfate was the only species to enhance the silica solubility at 150 °C
and above. The proposed mechanism involves an aqueous complex of silicic acid and
sulfate ion according to the following reaction

H 4SiO 4 (aq)  SO 4 2 (aq)  H 4SiO 4  SO 4 2- (aq)

(3.15)

As both silicic acid and sulfate have a tetrahedral geometry in aqueous solution, Marshall
and Chen proposed the following hydrogen bonded complex:
2-

HO

OH

O

Si OH

O

OH

O

S

O

As the SO42- ion is complexing with silicic acid, the bisulfate/sulfate equilibrium would
compensate for this effect by the formation of additional sulfate in solution and lowering
the DSO4- concentration. If the hydrogen bond strength is greater for deuterated species
there would be an increased effect in D2O solutions. This observation is consistent with
our current results and could possibly contribute to the large discrepancy for the
ionization of DSO4- in Pyrex and silica vs. quartz ampoules.
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3.6

Conclusions
Values of pK have been measured for the bisulfate equilibrium up to 200 °C

using the reduced isotropic Raman spectrum. A decrease of 0.44 pK units between 25
°C to 200 °C has been previously measured by Lietzke and Stoughton which is in
contrast to the current results. pK values calculated from the reduced isotopic spectra
show a slight decrease in magnitude, however, remains constant (within experimental
error) throughout the experimental conditions.
Differences in Pyrex, fused silica and quartz ampoules can have significant effects
on experimental ionization equilibria at elevated temperatures. A proposed model by
Marshall and Chen (1982) for the enhanced solubility of silica in sodium sulfate solutions
is likely responsible for these differences with significant effects occurring in deuterated
solutions.
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4.0
4.1

MODELLING THE DEUTERIUM ISOTOPE EFFECT

Modelling pK at low temperatures (< 100 °C)
Swain and Bader (1960) attributed the origin of the solvent isotope effect as the

differences that arise in the solvent structure between H2O and D2O. They proposed that
the greater structural order of D2O is due to the decrease in librational energy and noted
that although the potential energy of interaction between the two waters are the same, the
amplitude of the librational oscillation is smaller for D2O, resulting in a reduced kinetic
energy. The differences in solvent structure were quantified by the differences in
librational frequencies (restricted rotations relating to structural stability) between H2O
and D2O with the following relationship:
  h v / k

(4.1)

where v = v - v’ is the difference in average value of the librational frequencies of H2O
and D2O, and v = v/1.3815.
Predictions were made for the transfer properties  tr G o ,  tr H o ,  tr S o and  tr C po
at 25 °C using the differences from the librational energies incorporated into the partition
functions for the desired thermodynamic quantities. Results for the ionization of H2O and
D2O agreed within the experimental uncertainty for  tr G o ,  tr H o ,  tr S o but was much
too low for  tr C po . Salt systems were also analysed and resulted with anions creating the
greatest changes to the solvent structure. The fluoride ion increases the frequency at
which the maximum librational absorption occurs, characterizing it as a structure maker,
while chloride, bromide and iodide ions created an area of maximum absorption at lower
frequencies, leading them to be classified as structure breakers.
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4.2

Modelling the Temperature Dependence of pK
In hydrothermal environments, the changes in hydrogen bonding effects can have

a significant influence on ionization equilibria. Isotopic substitution of the solvent has
been shown to enhance solvent hydrogen bonding at ambient temperatures which is
reflected by the higher melting point of pure D2O and differences in the dissociation
constant of water, etc. However, previous research suggests (Erickson et al., 2011;
Thomas et al., 1965) that the magnitude of hydrogen bonding effects in H2O and D2O
may reverse as temperatures approach the critical point (374 °C, 22.064 MPa). In this
thesis we have used two models based on zero point vibrational energies to discuss the
temperature dependence of the deuterium isotope effect by addressing the importance of
solvation and bond dissociation energies between reactants and products.

4.2.1

Mesmer and Herting – Zero-point energy approximation
Mesmer and Herting’s model of the deuterium isotope effect assumes that all

molecules are in the ground vibrational state and that only molecules directly involved
with the ionization process contribute to pK. For simple oxyacids, this would concern a
rupture of an O-H bond in the molecule. The equation used to model this effect is given:
K
log  H
 KD


hc 

vH,i   vD,i 



4.606kT  i
i



(4.2)

where h is Plancks constant; k is the Boltzmann constant; T is the absolute temperature
and vH is the change in vibrational energy for the isotopically substituted hydrogen atom
between products and reactants. The previous equation can be simplified by use of the
simple harmonic oscillator approximation, vH/vD = ( D/
relationship:
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H)

1/2

, as given in the following

K 
hc
log  H   
(0.276)vH
4.606kT
 KD 

(4.3)

Although this model is an over-simplification that neglects solvation
contributions, entropy effects, and assumes that the vibration is “lost”, predictions of pK
are remarkably accurate for simple systems. For example, the values predicted for H2O
are pK = 1.0 at 25 °C and 0.52 at 300 °C in comparison to the observed results of pK =
0.96 and 0.69. Larger deviations occur for more complex molecules. For the bisulfate
system, the OH stretching frequency has been approximated as 3000 cm-1(Walrafen and
Dodd, 1961). This gives a prediction of pK = 0.87 at 25 °C and 0.55 at 200 °C in
comparison to the Raman results of pK = 0.44 and 0.41, respectively. Mesmer and
Herting’s model provides a simple method for predicting the temperature dependence of

pK, however, high temperature solvation effects make this model unrealistic
(Heppolette and Robertson, 1961).

4.2.2

Bunton and Shiner Solvation model
A more elaborate model proposed by Bunton and Shiner (1961) incorporates

solvation effects and provides a more useful predictive tool for the magnitude and
direction of pK with temperature. This approach incorporates the solute-solvent
hydrogen bonding interactions in the first solvation shell for the isotopically substituted
hydrogen atoms. Their model is given below:



H

  H '  12.53T log K H / K D
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(4.4)

where vH and vH’ represent the hydrogen bonding frequency of the reactants and products,
respectively, and KH and KD are the associated equilibrium constants in light and heavy
water, respectively.
Vibrational frequencies between the solvent and solute are not easily acquired.
However, Bunton and Shiner utilized a linear relationship for the vibrational O-H
frequency between the oxyacid and solvent given by Gordy and Standford (Gordy and
Stanford, 1941) using IR spectroscopy at 25 °C. The linear equations are given below in
equations 4.5 and 4.6:

v(cm 1 )  2937  28.8pK a

(4.5)

v(cm 1 )  3040  22.9pK b

(4.6)

where v is the vibrational frequency for the hydrogen bonding interaction between the
solute and solvent. The authors also mention that there is no consideration for entropy or
transition states and strongly caution when theoretical and experimental values agree.
Temperature effects on the hydration number will also contribute to deviations from this
model.
We have applied the Bunton and Shiner model to the bisulfate system using
equations 4.5 and 4.6 to predict the vibrational interactions between the solute and
solvent with the equilibrium constants given in Table 4.1. Solute-solvent interactions and
the associated vibrational energies can be found in Figure 4.1 and Table 4.2, respectively.
The hydration numbers were assumed to be independent of temperature. Predictions from
the model for 25 °C and 200 °C are pK = 0.57 and 0.36. This is comparable to the
observed Raman results of pK = 0.44 and 0.41. Experimental and predictive models for

pK are given in Table 4.3 with the corresponding values plotted in Figure 4.2.
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Table 4.1 - Equilibrium constant values for sulfate (SO42-) and
bisulfate (HSO4-)

H2SO4
pKa
HSO4
pKa
pKb
pKb

-

-6.62

1.99
20.38/per oxygen atom = 20.68
SO4212.61/per oxygen atom = 13.21
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Figure 4.1 - The solute-solvent O-H interactions according the Bunton and Shiner model.
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Table 4.2 - Vibrational frequencies according to the linear
equations and rules provided by Bunton and Shiner

Initial State
Final State
v

Frequency/cm-1
6 x 3523 + 2994 + 4 x 3400
8 x 3342 + 3 x 2900
37732 – 35436=2296
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Table 4.3 - Experimental pK values from Raman spectroscopy compared with
theoretical models from Bunton and Shiner, & Mesmer and Herting

pK
-1

Experimental (mol·kg )
Experimental Fit (mol·kg-1)
Experimental (aquamolal)
Bunton and Shiner
Mesmer and Herting

25 °C

80 °C

150 °C

200 °C

0.43
0.44
0.40
0.61
0.87

0.41
0.44
0.37
0.52
0.73

0.45
0.42
0.41
0.43
0.61

0.38
0.41
0.34
0.39
0.54
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Figure 4.2 - Theoretical and experimental pK comparison
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Bunton and Shiner’s model makes several assumptions including the neglect of
entropy contributions which have shown to be significant for ionization equilibria.
Entropy effects for the self-dissociation of light and heavy water have been shown to
have significant contributions to the free energy of the reaction. At 25 °C the difference
in entropy, -TS°, and enthalpy contributions, Ho, for the ionization of D2O and H2O
are 2.18 kJ·mol-1 and 3.29 kJ·mol-1, respectively. Increasing temperatures has the
resulting effect of reducing H° and increasingS° upon heating to 50 °C. The
neglect of entropy effects in their model has been noted by Bunton and Shiner and
caution is warned by others (Laughton and Robertson, 1969) when experimental results
are in agreement with this solvation model. Regardless of the assumptions made by the
two previously mentioned models they both provide a simple and elegant explanation for
the temperature dependency of the deuterium isotope effect.

4.2.3

The Dependence of pK on pKH
A linear relationship between pK and pKH has also been observed in previous

research for monobasic oxyacids (Mesmer et al., 1988). This relationship was thought to
be related to the free energy and independent of temperature, however, deviations based
upon specific groups, such as charge type and internal H-bonding, has been reported. Bell
(Laughton and Robertson, 1969) found good agreement with pK values in relation to
pKH with equation 4.7:

pK  0.41  0.020pK H

(4.7)

Others have found similar relationships between pK and pKH2O with slight
modifications (Martin, 1963). Martin’s study on the ionization of carboxylic acid
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derivatives such as glycine found that positively charged species fell above the pK vs.
pKH2O line and negative species fell below. Significant improvements were made with an
additional term that incorporates charge contributions, expressed as:

pK  0.45  0.015pK H  0.12 Z

(4.8)

Equation 4.8 is recommended for use with carboxylic acids only.
Plots of pK vs. pKH for oxyacids (for which pK is known) between the
temperature ranges of 25 °C – 200 °C are plotted in Figures 4.3-4.6 along with a linear fit
to all the data. An overlay of these results is given in Figure 4.7. The fits display a
decrease in magnitude for pK with increasing temperature but have the same slope.
These results suggest that the “strength” of the weak acid could be used as a predictive
tool for the magnitude of pK in high temperature water.
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5.0

CONCLUSIONS AND FUTURE WORK

The deuterium isotope effect for the second ionization constant of sulfuric acid was
measured between 25 °C and 200 °C. Glass dissolution was observed at 150 °C and 200
°C for samples contained in Pyrex tubes. Additional measurements were conducted in
fused quartz tubing which resulted in significantly different results. Our measurements
for the bisulfate system resulted in a constant value of pK ≈ 0.425 ± 0.076 over the
temperature range studied, in contrast to a decrease of the same magnitude as previously
reported.
The phosphate hydrolysis reaction was inherently challenging due to the high
alkalinity levels and the resulting accelerated dissolution of glass at elevated
temperatures. Fortunately, Raman spectroscopy has the distinct advantage to “see”
aqueous species in solution while many other experimental methods cannot. Dissolved
silicic acid and its conjugate base can be detected as they both have strongly polarized
vibrational modes. It is shown that the effect of dissolved silica has an irreversible
reaction with the phosphate equilibrium. Quantitative data for the phosphate hydrolysis
quotient was obtained at 25 °C and 80 °C, however, due to the dissolved silica the
accuracy of the results are questionable.
The boric acid/borate equilibrium was also complicated by dissolved glass at
elevated temperatures, in addition to multiple polyborate species. Aqueous polyborate
complexes have shown to be significant in boric acid/borate buffers. These species are
considerably more abundant at room temperature and tend to decrease with increasing
temperature. However, at temperatures of 200 °C the presence of polyborates can still be
detected for a 0.5 m borate solution.
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Modelling the deuterium isotope effect for inorganic oxyacids has been discussed.
Although simplifications have been made in the Bunton and Shiner model (1961), and
Mesmer and Herting model (1978), they both provide the approximate magnitude and
direction for the temperature dependence of pK. In addition, the “strength” of the weak
acid/base may provide additional insight that could be used as a predictive tool for the
temperature dependence of pK ( i.e. pK vs. pKH2O)
Future research regarding deuterium isotope effects under hydrothermal
conditions should incorporate computational investigations. Room temperature pK values
have been previously reported (Jang et al., 2003), however, calculations for the
temperature dependence of pK have never been attempted and would provide valuable
insight on this topic.
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7.0

APPENDIX 1: SCOPING STUDIES FOR THE DEUTERIUM ISOTOPE
EFFECTS ON PHOSPHATE HYDROLYSIS

7.1

Introduction

The aqueous phosphate anion, PO43-, and other phosphoric acid species have been
extensively studied (Rudolph, 2010; Marshall and Begun, 1989; Mesmer and Baes,
1974). The importance of PO43- spans from its role as a structural component of the DNA
backbone, to a key ingredient of fertilizers, to soft drinks. Phosphate has also been used
in industrial settings to precipitate ions such as Ca2+ and Mg2+ out of solution that would
otherwise limit the efficiency in power generating stations (Palmer et al., 2004). In
addition, PO43- provides an effective molecular model to gain insight into deuterium
isotope effect, pK = pKD2O – pKH2O.

7.2

Determination of the Equilibrium Constant for Phosphate Hydrolysis

The phosphate hydrolysis equilibrium is defined by the reaction:
PO 43 (aq)  H 2 O(aq)  HPO 4 2- (aq)+OH - (aq)

(7.1)

The corresponding equilibrium constant is defined as:
Kh 

aHPO 2  aOH
4

aPO 3
4



mHPO 2  mOH  HPO 2   OH
4
4

 QhQ
 PO 3
mPO 3
4

(7.2)

4

where a is the activity for each species in solution and defined as the product of the
molality (mol·kg-1) and activity coefficient, γ; Qh and Qγ are the hydrolysis equilibrium
and activity quotient, respectively.
Following the method used by Rudolph (2007), the total stoichiometric molality,

mo, of Na3PO4 in solution is the sum of the tri- and dibasic phosphate species shown
below:
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mo  mHPO 2  mPO 3
4

4

(7.3)

For quantitative purposes the most intense symmetric stretching vibrations at 990 cm-1
and 936 cm-1 were used to quantify the HPO42- and PO43- species, respectively. The ratio
of the integrated areas can be described by the following relationship:
A936 J 936 (mo  mHPO42 )

A990
J 990 mHPO 2

(7.4)

4

The molality of the HPO42- species at equilibrium can be represented as:

mo
J 990 A936

1
J 936 A990

mHPO 2 
4

(7.5)

Once the molality of HPO42- has been determined, the degree of hydrolysis can be
calculated:
  mHPO 2 / mo
4

(7.6)

The equilibrium quotient can then be expressed as a function of the initial stoichiometric
phosphate molality, mo, and the degree of hydrolysis, α, by the following equation:
α2
Qh 
mo
1 α

(7.7)

with ionic strength given as I = 6mo - 2αmo.
The equilibrium constant for the third deprotonation of phosphoric acid is defined
for the reaction:
HPO 4 2 (aq)  H 2 O(aq)  PO 43 (aq)  H 3O  (aq)

(7.8)

and for the equilibrium constant:
K3 

aH O aPO 3
3

4

aHPO 2
4
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(7.9)

Given below is the equation for the equilibrium quotient:
Q3  Qw / Qh

7.3

(7.10)

Results and Discussion

Results for the isotropic spectra between 5 °C and 80 °C without solvent
subtraction are shown below in Figure 7.1. Initially, light and heavy water phosphate
experiments were conducted in Pyrex ampoules. At 25 °C there was evidence of glass
dissolution for the light water systems as the vibrational band from H4SiO4 (790 cm-1)
became significant. The band for H4SiO4 increased with temperature up to 80 °C, as
shown by the inset diagrams. Pressure testing of the Pyrex ampoules at 175 °C and 225
°C dissolved the glass to such an extent that the aqueous solution became a gel. Attempts
were made to reduce the silica dissolution by using quartz tubing rather than Pyrex. Four
independently-made solutions of Na3PO4, shown in Figure 7.2, were sealed in quartz
ampoules and measured at 25 °C prior to pressure testing. Results still show signs of SiO2
dissolution by the H4SiO4 vibrational stretch (790 cm-1). In addition, a 0.1007 m Na3PO4
sample was pressure tested in an oven at 200 °C for one hour and let cool back down to
room temperature. Examination of the cooled solution revealed no precipitation or gel
formation in the quartz ampoule, in contrast to Pyrex. However, this solution, shown in
the bottom of Figure 7.2, has shifted almost entirely to HPO42- with significant H4SiO4
contributions. In addition, a broad vibrational band has appeared at 840 cm-1. This band
doesn’t correspond to H4SiO4 (790 cm-1) or H3SiO4- (777 cm-1) (Spiekermann et al.,
2012; Zotov and Keppler, 2002;Dutta and Shieh, 1985), however, may be due to a
polymeric or ring structure Dutta and Shieh, 1985). It is apparent from the Raman data
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Figure 7.1 - Pyrex ampoules - Isotropic Raman spectra of phosphate hydrolysis in light
(0.6290 m, 0.3996 m, 0.2779 m, 0.1032 m) and heavy water (0.5593 m, 0.3558 m, 0.2459
m, 0.07639 m), left and right columns respectively, at 5, 25 and 80 °C.
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Figure 7.2 – (above) Raman spectra of light water trisodium phosphate solutions in
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Raman spectrum of 0.1007 m TSP solution after pressure testing at 200 °C and cooled
down to 25 °C.
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that glass dissolution, and the release of silicic acid, had an irreversible impact on the
phosphate equilibrium.
Quantitative analysis of aqueous PO43- in the presence of silicic acid must be done
with the awareness of possible complexes similar to the postulated model by Marshall
and Chen (1982) with aqueous SO42-. If so, the tetrahedral configuration of deprotonated
oxyacids may initiate formation of a hydrogen bonded complex as shown below for
phosphate:
3-

HO

OH

O

Si OH

O

OH

O

P

O

This could become a significant issue under extreme temperatures due to the ion-pairing
and intermolecular interactions that both increase with temperature.
Our quantitative results for the phosphate hydrolysis quotient is compared to
literature data (units of mol·L-1) also completed by Raman spectroscopy and plotted in
Figure 7.3 with the data for light and heavy water systems given in Tables 7.1 and 7.2.
Our Raman results agree very well with the data collected by Preston and Adams
(Preston and Adams, 1979). They also used glass for their sample container and may
have experienced the same dissolution process as with the Pyrex ampoules. The
deviations of our data from Rudolph’s results are greater in magnitude for dilute
solutions. This could be the effect of the glass dissolution process. Other possible sources
could also be the difference in concentration units and the current research not using the
reduced intensity format, although the effects should be minimal at this frequency.
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7.4

Conclusions

The equilibrium quotient for phosphate hydrolysis has been measured between 5
°C and 80 °C in light and heavy water solutions of 0.0577 to 0.6290 m and 0.0761 to
0.5593 m, respectively. Results for concentrated solutions agree with literature, however,
differences between Rudolphs values (2007) and the current results begin to increase in
dilute solutions. These differences could be due to silicate dissolution which has been
shown to interfere with the phosphate hydrolysis equilibrium in an irreversible manner.

125

0.012
Preston and Adams (1979)
Rudolph (2010)
This w ork

0.010
0.008

Q

0.006
0.004
0.002
0.000

0.0

0.1

0.2

0.3

0.4

0.5

0.6

0.7

Concentration/mol kg-1
Figure 7.3 – Comparison of the current Raman work with literature results for phosphate
hydrolysis in light water at 25 °C.
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Figure 7.4 – Isotropic Raman spectra for of a 0.28 m light water and 0.25 m heavy water
trisodium phosphate solution in pyrex ampoules from 5 °C to 80 °C.
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Table 7.1 - Integrated areas for the isotropic Raman spectrum of PO43- hydrolysis in light
water at 25 °C with associated equilibrium quotient values.
-log Qm
A (HPO4-)
A (PO42-)
I (mol·kg-1)
α
Q•103
m
Exp.
4.307
0.04935
0.008819
3.7629
410088.7
3517.288
0.6290
3.675
0.2112
0.02273
2.3794
260044.9
5830.012
0.3996
3.448
0.3564
0.03518
1.6478
165127.1
5803.616
0.2779
2.833
1.4687
0.1124
0.5960
56799.6
6933.401
0.1032
2.469
3.3910
0.2147
0.3217
8011.743
30392.96
0.0577
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Table 7.2 - Integrated areas for the isotropic Raman spectrum of PO43- hydrolysis in
heavy water at 25 °C with associated equilibrium quotient values.
-log Qm
A (PO42-)
I (mol·kg-1)
α
Q•103
A (DPO4-)
m
Exp.
3.073
0.8445
0.03811
3.3132
428585
16369.07
0.5593
2.890
1.2873
0.05837
2.0933
267455.2
15981.87
0.3558
2.747
1.7869
0.081689
1.4352
182411.3
15642.47
0.2459
2.315
4.8381
0.2222
0.4231
46006.15
12674.29
0.0761
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8.0
8.1

APPENDIX 2: SCOPING STUDIES FOR THE DEUTERIUM ISOTOPE
EFFECTS ON BORIC ACID IONIZATION
Introduction

Raman studies to determine the deuterium isotope effect, pK, for the boric acid,
B(OH)3/borate, B(OH)4-, equilibrium have also been attempted. Previous measurements
for this equilibrium in light water were conducted up to 300 °C with a hydrogen electrode
concentration cell (Mesmer et al., 1972) and equilibrium constants in heavy water and
pK values have been measured between 225 °C and 300 °C using UV-visible
spectroscopy (Bulemela and Tremaine, 2009).

8.2

Determination of the Boric acid/Borate Equilibrium

The equilibrium between the borate ion and boric acid is as follows:
B(OH) 4  (aq)  H 2 O(l)  B(OH)3 (aq)  OH  (aq)

(8.1)

The corresponding equilibrium quotient, Qm, is defined as:
Qm 

mB(OH)3 mOH
mB(OH) 

(8.2)

4

where m is molality (mol·kg-1) for each species. Equation 8.1 is isocoulombic and would
therefore have a negligible change in heat capacity over the temperature range under
study (Lindsay, 1980). The product of Qm and activity quotient, Qγ, is defined as the
equilibrium constant K:
K  QmQ
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(8.3)

8.3

Results and Discussion

8.3.1

Boric acid/Borate in Light Water

Our equilibrium investigations regarding B(OH)4- utilized the most intense Raman
scattering vibrational bands. The symmetric –OH vibrational stretching mode for the
borate ion, B(OH)4-, is found at approximately 740 cm-1 in light water. Boric acid,
B(OH)3, has a similar symmetric –OH vibrational stretching mode at approximately 877
cm-1.
At 25 °C the solution is primarily B(OH)4- in solution with little B(OH)3 present .
As the temperature was increased to 150 °C, the concentration of B(OH)3 became
significant as can be seen from Figure 8.1. Unfortunetly, the high temperatures and high
pH began to corrode the glass, and produced aqueous silicic acid as seen by the
symmetric –OH stretching mode at 780 cm-1.

8.3.2

Boric acid/Borate in Heavy Water

The deuterated B(OD)4- borate ion has a symmetric –OD stretching mode at
approximately 704 cm-1. B(OD)3 has a symmetric –OD mode at approximately 815 cm-1.
Similar to the light water system, the B(OD)4- is the primary species in solution at 25 °C.
As temperatures increase to 200 °C the boric acid vibrational band begins to appear along
with the deuterated silicic acid at 768 cm-1 from the Pyrex dissolution. An additional
band appears at 1040 cm-1 and has been previously reported as only being present in
deuterated solutions (Broadhea and Newman, 1971). The identity of this vibration has
been previously discussed, however, the exact origin has yet to be determined.

131

1600
1400

1200
Boric acid-NaOH (1:1)
0.14 mol kg-1

25 °C

Boric acid-NaOD (1:1)
-1
0.12 mol kg

1000

25 °C

1200
800

Intensity

Intensity

1000
800
600

600
400

400
200

200

0

0
700

750

800

850

900

700

Raman Shift/cm-1

800

900

1000

1100

Raman Shift/cm-1
1200

1600
1400

80 °C

80 °C

1000

1200
800

Intensity

Intensity

1000
800
600

600
400

400
200

200

0

0

700

750
800
850
Raman Shift/cm-1

700

900

2000

900

1600

150 °C

1000

1100

150 °C

1400

1500

1200

Intensity

Intensity

800

Raman Shift/cm-1

1000

1000
800
600
400

500

200
0

0
700

750

800

850

900

700

Raman Shift/cm-1

800

900

1000

1100

Raman Shift/cm-1
1000

200 °C

200 °C
800

Intensity

Intensity

1500

1000

500

600
400
200
0

0
700

750

800

850

900

700

Raman Shift/cm-1

800

900

1000

1100

Raman Shift/cm-1

Figure 8.1 - Boric acid with an equivalent of NaOH in light and heavy water in the
temperature rang of 25 °C to 200 °C.
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8.3.3 Polyborates
8.3.3.1 Polyborates in Light Water

Aqueous boric acid solutions have several pH and temperature dependant
polyborate species. Preliminary scoping studies were conducted in a borate-boric acid
buffer to characterize the peaks of interest. Figure 8.2 shows the solvent-unsubtracted
isotropic Raman spectrum of the buffer solution (0.51 m boron molality) which consists
of the expected B(OH)4- and B(OH)3 bands at 745 cm-1 and 772 cm-1, respectively, and
additional low frequency vibrational bands of polyborates. Previous studies on
polyborates (Maya, 1976) have characterised the vibrational bands at 625 cm-1, 580 cm-1
and 515 cm-1 as those from B3O3(OH)4-, B4O5(OH)42- and B5O6(OH)4-, respectively.
The vibrational band at 390 cm-1 could possibly be v2 from the B(OH)4- ion, a
contribution from B4O5(OH)4-, or both. An additional low frequency band found at 475
cm-1 could be v2 from B(OH)3 found at 495 cm-1 or a mode associated with B3O3(OH)4-.
It is difficult to distinguish whether the polyborates increase or decrease in
concentration without an internal standard. However, Figure 8.2 reveals that the
tetraborate species disappears upon heating from 25 °C to 150 °C.

8.3.3.2 Polyborates in Heavy water

The B(OD)4- ion and D3BO3 can be seen at 704 cm-1 and 815 cm-1, respectively,
in Figure 8.3. The species located at 600 cm-1, 550 cm-1 and 488 cm-1 are likely the
deuterated analogs of the light water polyborates, B3O3(OD)4- and B4O5(OD)42- and
B5O6(OD)4-, respectively. Similar to the light water spectrum for the borate/boric acid
buffer, the deuterated analogs also appear to decrease in concentration with increasing
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Figure 8.2 - Light water boric acid solution with a half equilivalent of NaOH at 25 °C and 150 °C.
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Figure 8.3 - Heavy water boric acid solution with a half equilivalent of NaOH at 25 °C and
150 °C.
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temperature. Although the results are difficult to analyze without an internal standard, the
tetraborate species does decrease relative to the triborate species at elevated temperatures.

8.4

Conclusions

The borate/boric acid equilibrium has been studied up to 200 °C. As temperatures
increased in the borate solutions, significant dissolution of the Pyrex ampoule was observed
in both light and heavy water solutions. Experimental evidence for this process was provided
by the silicic acid symmetric stretching vibration. Also, sodium borate is a chemical
component of Pyrex and would, therefore, interfere with the desired equilibrium calculations.
Significant glass dissolution was observed at temperatures over 80 °C.
Aqueous polyborate complexes have shown to be significant in boric acid/borate
buffers. These species are considerably more abundant at room temperature and tend to
decrease with increasing temperature. However, at temperatures of 200 °C the presence of
polyborates can still be detected for a rather concentrated solution of 0.5 m borate solution.
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