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Abstract

Solubilities (expressed as Henry's law constants) for 13 gases and vapors
(carbon dioxide, alkanes from ethane ic n-octane, benzene, toluene, m-xylene,
dichloromethane, and methanol) in two Alberta bitumens (Athabasca and Wolf
Lake) and three acidic gases (carbon dioxide, sulfur dicxide and hydrogen
sulfide) in four physical solvents (propylene carbonate, methy! cyanoacetate,
N-formyl morpholine and Selexol) have been measured using gas-liquid
chromatography over the temperature range from 25 to 150°C. The results of

these measurements have besen used for thermodynamic calculations of
enthalpies of solution (AH,), entropies of solution (AS°) and infinite dilution
activity coefficients based on Raoult's law. Resuits obtained for moderately
soluble gases and vapors over a temperature range are accurate enough to
permit the evaluation of heat capacity changes (ACP°) associated with
dissoiution.

Partial molar volumes of acidic gases in physical soivents have been
measured, using a dilatometer. The results of these measurements in
combination with Henry's law constants allow the estimation of the solubilities of

gases in liquids at higher pressures.

A Tian-Calvet heat flow calorimeter has been used for thermodynamic

investigation of calcium nitrate tetrahydrate, Ca(NO,),-4H,O. The calorimeter



was calibrated and tested using synthetic sapphire (a-Al,Oj;) as a standard

material. The accuracy of heat capacity measurement was found to be 1%.

The heat capacities for two phasa systems (liquid + vapor) of water and
deuterium oxide were measurad from 30°C to 275°C and the results were used
to calculate the heat capacities of saturated liquid and heat capacities at
constant saturation pressures.

Heat capacities of crystalline, molten and supercooled liquid

Ca(NO,),-4H,0 were obtained. Specific heat capacities of very concentrated

Ca(NQ,), solultion were measured over concentration range 3 to 14 mol kg™
solvent. The resuilts were then used for calculation of partial molar heat

capacities of Ca(NOj;), and H,O. Melting temperature and enthaipy of
Ca(NO,),-4H,0 were also measured and compared with literature data . Finally,
the heats of solution of sodium chloride (NaCl) and potassium nitrate (KNO,) in

molten Ca(NQO,),-4H,0 were measured, which gives information on interactions

of ions in very concentrated electrolyte solutions.

vi
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Chapter i

introduction

This thesis consists of two different kinds of thermodynamic studies: gas
liquid chromatographic investigations and calorimetric investigaiions.

Gas-liquid chromatography (GLC) has been developed as a versatile
analytical method. However, it has also become a useful toc! for
physicochemical studies. !n the first part of this work, we employed the gas-
liquid chromatographic technique to study the thermodynamics of gases and
vapors in liquids.

The equilibrium process for the gas or vapor dissolving in liquid can be
described as

solute substance (gas phase)ﬁysolute substance (in liquid phase)
in which ¥ rgpresents the equilibrium constant .

in Chapter 2, a brief summary of the basic principles of the GLC method for

thermodynamic investigations is given. A detiailed derivation and discussion on

the approach to obtain the thermodynamic equilibrium constant K from GLC
retention time measurements (specific retention volumes Vg°) is provided.
Chapter 3 describes how to obtain the thermodynamic quantities such as

equilibrium solubility of a gas or vapor in a liquid (Henry's law constant, K,),

enth: 'ny of solution (AH,), entropy of solution (AS,), and activity coefficient from

the equilibrium constants or specific retention volumes. A critical review of



methods for calculating AH from K is also presented in this chapter.

Because of the practical importance of the solubilities and thermodynamic
proparties of gases and vapors in bitumen, which relates to enhar.nad oil
recovery, we used Athabasca and Wolf lake bitumen as the stationary phase
and 1. ~asured the retention times of 13 gases and vapors in these bitumens at
several temperatures. The results are used for further calculations to obtain
related thermodynamic quantities. The experimental details along with the
measured and calculaiid results are presented in Chapter 4.

In Chapter §, we 3port on the use of GLC to obtain the solubilities and
enthalpies cf sulution for acidic gases (carbon dioxide, hydrogen sulfide and
sulfur diox:i&-; in four piysical solvents.

The solubilities obtained from GLC measurements are at low pressures.
However, the solubilitios at higher pressures are usually more important in
industry. The Krichevsky-Kasarnovsky equation can be used tn predict
solubilities at higher pressures. To make this prediciion, the partial molar
volume of solute in liquid is required. Therefore, we measured the partial molar
volumes of acidic gases in physical solvents, using a dilatometric method. The
experimental procedures and results are presented in Chapter 6.

The second part of this thesis involves thermodynamic investigations with
the Tian-Calvet heat flow calorimeter. An outline on the basic principles of the

heat flow calorimeter and a description of our apparatus are given in Chapter 7.

Calibration and testing of the calorimeter with synthetic sapphire (a-Al,O,) are

also described in this chapter.
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In Chapter 8, the heat capacities of liquid in equilibrium with its saturated
vapor system (two phase) are measured for water and deuterium oxide. An

equation for calculating heat capacity of saturated liquid from measured heat

capacity of two phases is derived -~~~ ralculated results are presented.
Calcium nitrate tetrahydra: chosen as a further substance for our

calorimetric investigations. Chapter 9 describes thermodynamic studies on

heat capacities of both crystalline and molten Ca(NO,),-4H,0 and partial molar

heat capacities for Ca(NO,), and H,O in concentrated aqueous solution.
Properties such as melting temperature, enthalpy and entropy of melting are
also investigated in this chapter. In Chapter 10, molten Ca(NOQ,),-4H,0 is used

as a solvent for studying ion interactions in very concentrated elactrolyte

solution. Heats of solution of sodium chloride (NaCl) and potassium nitrate

(KNO,) in molten Ca(NQ,),-4H,0 are measured and discussed in Chapter 10.



Chapter 2
Equilibrium Constants from Gas-liquid Chromatography

Retention Time Measurements

Principles of Measurement

Gas-liquid chromatography (GLC) as a probe for studying the physico-
chemical properties of gases in liquids is based on the equilibrum distribution of
a solute between the gas and liquid phases. In this chapter a brief summary of
GLC basic principles is given. For more detailed descriptions several excellent
books should be consulted.’-S

The heart of a gas-liquid chromatograph is the chromatographic column.
The chromatographic system is composed of two phases: gas (mobile) and
liquid (staticnary). The stationary phase is a liquid or a mixture of liquids that a
gas or vapor solute in the gas phase will dissolve in. The stationary phase can
be held in the column in any of several ways. For a packed column, the
stationary phase is usually coated on an inert solid support. In the elution
technique (the commonest technique of gas chromatography) a stream of carrier
gas (inert gas, such as nitrogen or helium) passes continually through the
column. The sample to be studied (a pu:2 compound or a mixture of
compounds in either gas or volatile liquid state) is introduced at the beginning of
the column. After a sample is introduced it is swept by the carrier gas onto the
column (if the sample is introduced as a liquid, it evaporates to form a vapor

first). When it enters the column and reaches the packing, the sample partly



dissolves in the stationary phase and partly remains in the carrier gas stream
and an equilibrium is set up. The portion remaining in the stream is carried a
little further along the column by the carrier gas and equilibrates again with fresh
stationary phase. At the same time, sampls already dissolved in the stationary
phase re-enters the gas phase so that a new equilibrium with fresh carrier gas is
set up. Thus a zone of solute vapor is formed and moves down the column
along with the carrier gas.

The speed at which the vapor zone moves depends mainly on two factors,
the flow rate of carrier gas and the squilibration rate. The faster the stream of
carrier gas moves, the faster the zone moves; and the slower equilibrium is
attained, the slower the zone moves. When two or more components are
present in the sample, each of them usually behaves independently of the
others, so that for a given carrier gas flow rate, the speed of movement of the
zone for eacn component will deperid only on the extent to which it is dissolved.
Since different substances dissolve to different extents in the same liquid, they
thersfore form different zones and move at differant speeds. |f the column is
long enough, they can be separated and elute at the end of the column at
different times. Therefore, the retention time of a sample provides information

about the solubility of the sample in the stationary liquid.

Partition Coefficient

The process carried out in the GLC column is a distribution process. The
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distribution equilibrium of a component i between a staticnary phase and a

mobile phase can be expressed as
) K
i{g) =i(L) (2-1)

in which g indicates gas phase and L indicates liquid phase while k is called the
partition or distribution coefficient.
Traditionaliy, k is dafined as the ratio of concentration of i in the liquid phas~

tc that in the gas phase,
k = Ci,L / Ci.g (2-2)
Units used for C; | and C; ; will be discussed later.

Another commonly used parameter to deucribe the equilibrium disiribution
is k', called the partition ratio (defined by Littlewood'), or capacity factor or mass
distiibution coefficient. k' is the ratio of the moles of vapor i dissolved in the

stationary phase to the moles of i in the gas phase:
K'=n /g (2-3)
It the vapor does not dissolve at all in the stationary phase (k or k' = 0 ), its

retention time (tg) will be the time taken for the gas or vapor to travel through the
gas volume of the column, and is called the unretention or dead time, ty In
another case, if a molecule which dissolves in 3tationary phase spends time tm
in gas phase, it must spend k' times t, in the staticnary phase. The total
retention time in both gas phase and liquid phase, tg, is given by

th=t (1+K) (2-4)



Rearrangement of Equation (2-4) gives
L 2.5

m

K =

in which tg and t, are the retention time of a solute and unretention time (dead

time) of the column, respectively, both obtained directly from measurements.

Specific Retention Volume
The quantities measured in ‘5LC are the retention time (the time required for
a small sample of solute to pass through the column at a given flow rate of
carrier gas) and the unretention or dead time. The produc. of the retsntion time

and the flow rate of carrier gas is the volume of carrier gas swept through the

column as the solute passes through, called the retention volume Vg. The same

calculation for t_, gives the unretention or dead volume of the column, V:

out (2-7)
Here F,, is the flow rate at the column outlet, measured with a soap bubble flow
meter. Because this flow rate is measured at room temperature and
atmospheric pressure and the gas is saturated with water vapor, while the flow
rate in the column is at oven temperature and a higher pressure, it must be

corrected to column conditions in order to obtain the desired average flow rate.

1. Temperature Correction

Since the flow rate is measured at room temperature, T ... according to



Charles's law the flow rate at column temperature, T

ol» IS Obtained by

T

col

F . =F

col out
Trr:;om

(2-8)

2. Water Vapor Pressure Correction
Levy® has pointed out that for accurate work a corraction must be made for the

water vapor pressure. This correction can be made by multiplying the flow rate

with a correction term, (P, - P,)P,,. in which P is the saturated water vapor

out out’

pressure at room temperature and P, , is the column outiet pressure (i.e.,

atmospheric pressure).
3. Pressure Gradient Correction

Since the pressure at the inlet of the column is higher than the pre. - ure at
the outlet, there exists a pressure gradient along tha column. As a consequence
of this nressure gradient 2 ‘slocity gradient is produced, which leads to differe:t
volume flow rates along the column. The retention volume obtained from
Equation (2-6) is therefore greater than the reai retention volume. To correct for
this effect, James and Martin’ proposed a pressure gradient correction factor
(compression factor), j, to calculate an average flow rate in the column from the
flow rate measured. The derivation of j is given in the original paper’ or several

text books.’2 Hers we only cite the final expression for j:



(2-9)

Considering these corrections, the retention volume and unretention volume are

calculated by

T P
Vo=t F o, i==(1 - 5=) (2-10)
R R “ou Troom Pout
and
T P
Vot o j=2(1- =) (2-11)
m m  out Troom Pout

in which Ve is the "corrected retention volume” and V ,° the "corrected void

volume". The difference between V_° and Vg0 is the net retention volume, V,,.
This net retention volume can be usad in calculating equilibrium thermodynamic

functions. V, varies with experimental conditions such as flow rate or the weight
of stationary phase and so we can not compare Vy values from different
experiments. However, the specific retention volume Vg° as given by Littlewood
et al .B permits inter-comparisons. Vg° is defined as the net retention volume of a

solute at 0°C per unit weight of stationary phase and is calculated by

Vv 4
V: __N 213.15 (2-12)
Wit el

in which w, , is the weight of stationary phase in the column. More generally,

specific retention volume is defined as the volume of carrier gas at 0 °C and

mean column pressure that elutes one haif the solute from a column which
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contains 1 gram of liquid stationary phase and with no pressure gradient.
Specific retention volume can be calculcated from common experimental

parameters (retention time, flow rate, temperature and pressure) by the equation

-t P
c=tR m e 273 (- w)
g WoL T P

oom out

\

(2-13)

The specific retention volume is characteristic of a particular solute,
stationary phase and carrier gas. It makes it possible to compare retention
properties of a given solute in columns which contain different amount of the

same stationary phase at the given column temperature. The specific retention
volume Vg° calculated with Equation (2-12) or (2-13) can be used to obtain
many thermodynamic properties such as partition coefficients, equilibrium
constanis, Henry's law constants, infinite dilution activity coefficients and
enthalpiss of solution. In this chapter, we only derive the equations for the

calculations of partition coefficients and thermodynamic equilibrium constants

from specific retention volumes.

Determination of Dead Time
Examination of Equation (2-13) shows that specific retention volume is
calculated from the net retention time, flow rate and weight of stationary phase,
of which the net retention time is an especially important factor. The accuracy of

the determination of net retention time depends on the difference between

retention time of a solute and the dead time of the column. If the retention time t,

is much greater than the dead time t_, the measurement of the dead time will not
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affect the net retention time significantly. However, if the retention time of a gas

solute is very close to the dead time of the column, the accurate evaluation of
the dead time t,, bescomes critical. A small uncertainty in the dead time

measurement produces a significant error in specific retention volume and
thermodynamic quantities. Severa! methods have been proposed to determine
the dead time of a column and there have been several publications'®-27
regarding their merits. In this section, we briefly discuss oniy the methcds that

have been commonly used.

1. Direct measurement of t .

In an ideal GLC system the dead time is considered as the time a small
amount of unretained gas (not dissolved in the stationary phase and not
adsorbed by the packing) takes to pass through the chromatographic system
under identical conditions to that under which samples are tested. James and
Martin? designated the air peak as the dead time. Since then, air has been
widely used as an unretained gas for measuring the dead time. Other inert
gases such as nitrogen, neon, argon have also been chosen by some
investigators for determining the non-retention time, of which neon has been
used the most. Controversy developed with the advent of the flame ionization
detector (FID) regarding the best substance to use for dead time measurement,
as the FID does not respond to air or other inert gases. Methane has been
suggested as a substitute for use with flame ionization detectors. Many authors
have supported the use of air and inert gases as zn indication of dead time for

the therma! conductivity detecior (TCD) and methzine for the FID.
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Riedo et al. 28 investigated a series of inert gases and light hydrocarbons
over a wide temperature range and found that neon had the smallest retention
time. Parcher and Johnson?® compared dead times obtained from four inert
gases with those calculated by a mathematical linearization scheme (which will
be discussed later) using C,-Cg hydrccarbons. They confirmed that neon had
the lowest retention time.

However, the use of air or methane for t,, determinations has been
questioned. Some authors2'-23 have shown that both air and methane are
retained by some stationary phases. Thus, some other procedures have been

sugaested.

2. Mathematicali dead time

A mathematical method of dead-time evaluation was developed initially by
Peterson and Hirsch?® and modified by many other authors,27:30-3¢ pgcause of
the controversy about the direct measurement of t,,. This method requires the
measurement of the retention time of three homologous compounds (usually

alkanes). The dead time t, is calculated by

2
t = b bias2) ~ i)
™ Yoy e 2 e

(2-14)

which is derived from the fact that the relationshix between the logarithm of the

net retention time and the number of carbon atoms for the homologous series is
linear, i.e., log(t,-t,) = bn + ¢, in which n is carbon number and b and c are

constants. This method has been criticized by many authors. Sharples and
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Vernon25 did some sample calculations showing that small errors in

measurement of retention times of the members of the homologous series

produce surprisingly large variation in t . Wainwright et al. 22 have shown that

different choices of the homologous compounds lead to different calculated t ..
Similar linearization schemes have been applied to the retention times of a
series of inert gases 25:35-37 when the detection system responds to air and inert
gases (such as a thermal conductivity detector). In this method, the physical
properties or energy parameters such as Lennard-Jones, Buckingham,
Kirkwood-Muller, or London are used as the linearization parameters.

Nakahara et a/. 36 have shown that modified Buckingham parameters are the

best. The linearization schemes use the equation

In{(t,-t) JM}=A+By, (2-15)

in which M, is the molecular weight of an inert gas i, and v, is the modified

Buckingham potential of the gas. Lin and Parcher3’ claimed that the
linearization scheme with ineri gases is the most accurate method for the
determination of column dead time.

Other methods have been proposed but are not commonly used. Smith et
al. 1° wrote a very extensive, critical review in which they summarized and
compared all these methods. Here we quote from their conclusions: "The only
method which was shown to lead to accurate results under a wide variety of

conditions was the use of neon, or possibly helium, together with the appropriate
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treatment of data. In fact, the use of multiple analyses using neon is, in our
opinion, the most reliable and accurate method of determining system dead time
and is the method of choice when detarmining absolute data such as Henry's
law valuss or other thermodynamic data." Therefore, they recommended that
when retention data are to be used to calculate some properties of the column or
stationary phase, such as Henry's law constants, the dead time should be

determinad experimentally using an inert gas such as neon.

Relation between Specific Retention Veolume and Partition

Coefficient
As was mentioned before, a common measure of distribution of a solute
between gas phase and stationary phase is the partition coefficient. However,

the numerical values of a partition coefficient vary with the choice of solute

concentration unit in both phases.
The commonly used units for concentration of solute in the gas phase are
moles of solute per unit volume of carrier gas or partial pressure of the solute

and for solute in the liquid phase the choices are usually either molarities,

molalities or mole fractions.

The different choices of concentration units lead to different expressions
that connect the partition coefficient or equilibrium constant to specific retention

volume Vg°.

1. If we choose the unit of C;, as moles of solute per unit volume of

stationary phase. the general expression for the partition coefficient (Equation
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2-2) becomes

n, /'V

2L’ 1L _ 2L Ym )
k= = (2-16)
"zg /Vm 249 1L

in which n, and Nag represent numbers of moles of solute in liquid and gas

phasse, respectively. V,  represents the volume of stationary phase, and V_°is

the corrected void volume of the column.

Substitution of Equation (2-3) into (2-16) gives

k=k' — (2-17)

Comparing Equation (2-5) with Equations (2-10) and (2-11) gives
VAR VASY
k=20 o = (2-18)
Y '

m

3 o

Further combination of Equation (2-18) with Equation (2-17) yields
k=VN/VyL (2-19)

Substituting Equation (2-12) into (2-19), we obtain
o
Vg Wy L

“27345 V,, (8-20)

k

Note that the ratio w,  /V,  is the density (p) of stationary phase at column

temperature. Therefore, Equation (2-20) becomes
Q
_ Vg p 'Tcol

-9 oo (2-21)
273.15

k

2. When the concentration unit of solute in liquid phase is chosen as moles
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of solute per unit weight of liquid phase, the partition coefficient is written as

N, /w
k =_2_L___.‘é£ (2-22)
Nag IV
Using a derivation similar to that of Equation (2-21), we obtain
VT
__ 9 col .
k= 273.15 (2-23)

3. When the concentration unit for solute in the liquid phase is chosen as
mole fraction, X, , and that in the gas phase as partial pressure of the solute, P,

then Equation (2-2) becomes
C,. X

2
k= =2 = =2 (2-24)
Cq Ps

The mole fraction of solute, X, , can be expressed by
n n n, M
X = 2.L o2k 2L

2'n1L+n‘,,_L n w

L

(2-25)

1L 1.L

Because the gas pressure is very low in the GLC column, we use the ideal gas

equation for Pj:

Combination of Equations (2-25) and (2-26) with Equation (2-24) gives
o]
ML Vi My

(2-27)
AT

k = —2t-

nz'g w

Substitution of Equations (2-3) and (2-18) into Equation (2-27) leads to
vV M
N L
= WL AT (28
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Combination of Equation (2-12) with Equation (2-28) yields
[¢]
Vg M1.L

k= 827315 (2-29)

Equations (2-21), (2-23) and (2-29) are basic equations which relate the
partition coefficient to the specific retention volume. These equations are all
correct, but Equations (2-23) and (2-29) are most convenient to use. Equation
(2-21) requires the density of the stationary phase at column temperature, which
is not always available. Furthermore, when we apply the partition cosefficient in

thermodynamic calculations, such as that of the enthalpy of solution, the thermal

expansion coefficient of the stationary phase, dinp/dT, appears in the aquations
related to Equation (2-21). This thermal expansion coefficient is sometimes
difficult to obtain and it also makes the thermodynamic calculations more

complicated. These problems can be avoided by using Equations (2-23) and

(2-29).

Thermodynamic Equilibrium Constant K
The partition coefficient has bean used by many investigators to describe
the equilibrium distribution. Some investigators have also used the partition
coefficient as an equilibrium constant in calculations of thermodynamic
properties. However, from a rigorous thermodynamic point of view, the partition
coefficient cannot be used directly in thermodynamic calculations.

Thermodynamic properties relate direct!y only to the thermodynamic equilibrium

constant K that is defined® by
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K=ay,/ a g (2-30)
in which a,, and a, ; represent activities of solute substance in the stationary
phase and gas phase, respectively.

To obtain values of the thermodynamic equilibrium constant K from
experimental data, it is first necessary to choose the standard states®'! that
define the activities in terms of fugacities, f, as in

a=f/f (2-31)
in which f° is the fugacity corresponding to the chosen standard state. It is
customary anrd convenient to choose a standard state for the solute based on
Henry's law for most investigations of dilute solutions, which means that the
activity coefficient for the solute in a sufficiently dilute solution (Henry's law
region) is unity. Values of these activity coefficients for the solute in less dilute
solutions provide a measure of deviation of real properties from the limiting
Henry's law. Alternatively, many investigators who have used GLC have chosen
a standard state based on Raoult's law. This common choice, which we regard

as awkward for our purposes, provides limiing activity coefficients for the solute

in dilute solution (y,~) that may be considerably different from unity.

Our reference state for the substance of interest in the gas phase is the
ideal gas, and the standard state is the ideal gas at P = 1.0 atm. The fugacity of
solute in gas phase is calculated by 1‘2'g = P, ¢, in which ¢, is the fugacity

coefficient. From Equation (2-31) the activity of solute in the gas phase is then

calculated by
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f2.9 P2 ¢

a = -f—— = 1 atm (2‘32)
2

2.9

A reference state based on Henry's law is chosen for the liquid solution that

results from dissolving solute (2) in solvent (1):
Pa =Ky X, (2-33)
The standard state is now the hypothetical state based on extrapolation of
Henry's law to X, = 1.0. Thus we have f,°= K,y and f, | = Ky X; Y, in which v, is
the activity coefficient based on Henry's iaw. Therefore the activity of a solute in

the liquid phase, a, can be obtained from

8 =X, (2-34)
Using the reference states, standard states, and activities summarized

above, we now obtain

a X,y X, v, (1 atm)
K=—2t - 22  __22 (2-25)
azg P2 ¢2/ 1atm P2 ¢2
Therefore, we have
Y, (1atm)
K= —— (2-36)
9,

Equation (2-36) is a general equation that can be applied to all gas-liquid

equilibrium processes. For our GLC system all gas pressures are quite iow and

we have ¢, = 1.0. The concentrations of solutes in liquids in our GLC system are

very dilute; therefore we have y, = 1.0. Then Equation (2-36) reduces to give
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the simple expression.
K= 1atm/K, (2-37)
Note that the thermodynamic equilibrum constant defined above is
dimensionless (as it should be), with the pressure and Henry's law constant

expressed in units consistent with our standard state for the gas phase (atm).

Combination of Equation (2-24) with Equation (2-33) leads us to

KH=|.1(_ . Rezais 2-38)
Vo M,

Therefore, when the gas phase pressurs is very low and the concentration of the
solute in the liquid phase approaches infinite dilution (this is the case for most
GLC systems) the thermodynamic equilibrium constant can be calculated from

the partition coefficient k as foliows

VoM, (1atm)

K=k(lam) = =m7=—g

(2-39)

Equation (2-39) is the equation used for calculating the thermodynamic
equilibrium constant from GLC retention measurements. It indicates that the
equilibrium constant is directly proportional to the specitic retention volume. For
some further thermodynamic calculations, the equilibrium constant can be
replaced by the specific retention volume. This illustrates why the specific

retention volume is the most fundamental quantity in GLC measurements.
Criteria for Obtaining a Meaningful Equilibrium Constant from Vg°

Equation (2-39) reveals the direct relation between equilibrium constant K
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and specific retention volume V _°. However, it shouid be realized that the V °
value should be independent of = :v operationa! variables of the column ¢:ise:
than the temperature. There are several factors that might cause the specific
reiention voiume to differ from th. relationship given in Equation (2-3S).
Martire12-13 has describ-d many factors, of which non-equilibrium between two
phases, non-linear isotherms and liquid and/or solid surface adsorption of
solutes are primary factors that should be eliminated in order to obtan a
significant and meaningful equilibrium constant. Thus several conditions must
be met to permit evaluation of equilibrium constants (and subsequently, further
thermodynamic properties) from GLC retention times:

(1) There must be equilibrium tetweea the liquid and gas phases. To
achieve equilibrium between the two phases, the flow rate of carrier gas must be
suitably slow. According to Parcher et al.,'* the non-equilibrium effects can be
minimized by using a flow rate which corresponds to the "optimum flow rate".

The method for obtaining the optimum flow rate is described in Chapter 4. In

practice, the optimum flow rate is first determined for each system by a series of
measurements at different flow rates. All subsequent measurements leading to
retention times to be used in thermodynamic calculations are then done at a flow
rate slightly slower than this optimum flow rate.

(2) The concentration of the solute in the liquid phase must be small enough
that Henry's law is applicable (linear isotherm range), or measurements must be
made over an appropriate range of concentrations so that it is possible to

extrapolate to infinite dilution.'* This condition can be met by using very smail
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sample sizes so that K is a constant. But in practice the question is how smali a

sample size is necessary. This can be determined by testing that Vge is

independent of sampie size. If Vg° is independent of sample size then these
sample sizes are considered to be in the linear isotherm region. in other cases,
if Vgo varies with small sample sizes, a series of measurements at different

sampie sizes should be made so that extrapolated specific retention volumes (or
retention times) to zero sample size can be made. This extrapolated specific
retention volume (at zero sample size, or infinite dilution) is then used in
thermodynamic calculations such 2= 1 Equation (2-39).

(3) Adsorptior of gas/vapor solute on the surfaces of the liquid and/or the
solid support must be negligible in comparison with the amount of gas / vapor
dissolved in the liquid. If the adsorption is detectable, an appropriate correction

must be made.’5-'8 Thg adsorption phenomena can be detected from elution
peak shape and the variation of Vg° with stationary phase loading (the ratiz ot

stationary phase to solid support). To minimize the adsorption of solute onto the
solid support surfaces, the solid support material should be pre-treated..4-5
Common pre-treatments include alkali-washing, acid-washing, and silanization.

The surfaces of solid supports such as firebrick and chromosorb contain
adsorption sites which consist of Si-OH, AI-OH and Fe-OH groups. The Si-OH
groups can either react with basic molecules (based on acid-base reaction) or
form hydrogen bonds with polar compounds that contain electron donor groups,

while Al-OH and Fe-OH groups are acidic sites which can also form hydrogen
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bonds. These active sites can react with both stationary phase and sample
molecules. The acid and alkali washes are used to remove these active sites
and sc reduce tha adsorption of sample onto the support. Silanization of the
solid support ensures further removal or blocking of the active hydroxyl groups.
The solid support is silanized by treating it with dimethylchlorosilane (DMCS).
The active hydroxyl groups are replaced by siloxane and silyl ether groups
which have a much smaller adsorption capacity. These pre-treatments can
reduce the number or activity of the adsorption sites but can not remove all
active sizes completely. Thus for a system containing a ncn-polar stationary
phase and polar solute compounds. adsorption of solute onto solid surfaces can
still be observed if liquid ioading is not high enough.

The adsorption of solute molecules onto liquid surface was first observed by
Martin'Sin 1961 and then confirmed by Pecsok et ai.'” and Martire'® as well as
Meyer and Fliefson.'® Martin observed that the elution order of solutes from
gas-chromatographic columns containing a polar stationary phase changed with
the liquid loading and with the surface area of exposed liquid. He attributed
these changes to adsorption of solutes at the gas-liquid interface and developed

a new retention equation

Virg® = KVi+ KA (2-40)
to account for this adsorption effect. In Equation (2-40) VRg° represents the
corrected net retention volume per gram of packing, K is the gas-liquid partition

coefficient as previously defined, V| is the volu 1e of liquid phase per gram of
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packing, K, represents the adsorption coefficient (the value of K, depends on

the extent of the adsorption of solute onto the particular liquid surfaces) and A is
the exposed surface area of the liquid per gram of packing.

Equation (2-40) indicates that retention time of a soiute depends upor.
dissolution of the solute into bulk liquid as well as upon adsorption at the liquid
surface. It was reported'® that when the liquid phase is highly poiar and the
solute is nonpolar, with a high surface area and a low liquid loading, the

adsorption on the liquid surface is significant. if the adsorption is not negligible.

the specific retention volume, Vg°,

calculated by Equation (2-13) includes both
dissolution and adsorption contributions and therefore calculated
thermodynamic quantities that refer to the process of dissolving solute into ‘iquid
phase become meaningless. Therefore, the contribution to specific retention

volume by adsorption onto the liquid surface must be eliminated in order to
obtain meaningful themodynamic quantities. Using Equation (2-40), K, and K,

can be eva" =" d from retention iimes, suriace area and volume of liquid phase

in the followiny way. Rearrangement of Equation (2-40) gives

VO
ookt ok (2-41)
Al
A plot of Vo ©/A against V| /A gives a straight line with slope Ks and intercept
Ka. After K, is obtained, a new Ve, referring only to the solution process, can be
obtained from Equation (2-23) using kg in place of k. Thermodynamic properties

are then calculated using this new Vg°.



Chapter 3

Obtaining Thermodynamic Quantities

from Equilibrium Constants

Applications of thermodynamics to a wide variety of physical and/or
chemical equilibrium processes involve calculations of equilibrium constants at

various temperatures from the thermodynamic quantities AH°, AS® and ACDO.

Correspondingly, it is also possible to obtain the same thermodynamic
properties from knowledge of equilibrium constants at several temperatures. We
have discussed the determination of equilibrium constants from GLC retenticn
times in Chapter 2. In this chapter, a detailed derivation of the evaluation of
thermodynamic functions from the equilibrium constant will be presented,

together with a short review of earlier work.

Obtaining AG®°, AH°, AS° and ACp°
We begin by considering the standard Gibbs energy (free energy) change for
an equilibrium
AG°=-RTInK (3-1)
Combining Equation (3-1) with the fundamentai thermodynamic relation
AGP® = AHP - TAS® (3-2)

gives
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(o] [o]

AH  AS
+

InK=-27+-}

(3-3)

We also have thermodynamic equations for the temperature dependence of

AHC® and ASC:
dAH® /dT = AC,° (3-4)
dAS°/dT =ACL/T (3-5)

As a first approximation we choose AC_° = 0 so that both AH® and AS® are

independent of temperature. in this special case we then see from Equation
(3-3) that a graph of In K against I/T should be a straight line having slope equal
to -AH“/R and intercept equal to AS°/R.
Another way to deduce this same linear dependence of In K on 1/T is based
on the van't Hoff equation:
dInK/dT = AH° / RT2 I":3)
Again choosing ACp°= 0 so that AH® is independent of temperature,

integration of Equation (3-6) leads to

S
InK=-ARiT+I (3-7)

in which | is a constant of integration. Comparison of Equations (3-7) and (3-3)
shows that the integration constant is equal to AS°/R. Again Equation (3-7)
shows a linear relationship between In K and 1/T and the values of AH® and AS®

can be obtained from the slope and intercept.
The equations above, based on ACpo = 0, are adequate for a short

temperature range or with equilibrium constants of low accuracy. However, for
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many equilibrium systems plots of In K against 1/T show significant curvature

that indicates ACp°¢ O for these systems. Calorimetric investigations have
verified the dependence of AH® on temperature (ACp°¢ 0). It is therefore

necessary to consider more complicated treatments with non-zero AC.° and

temperature dependent AHC.

To obtain thermodynamic functions such as AH®, AS°® and AC_° from

equilibrivm constants, it is customary to fit some reasonabie and convenient
functions to experimental data of In K and temperature and then do the
appropriate differentiation. Many methods and equations have been developed

for this kind of calculation. One widely used empirical equation developed by

Harned and Robinson38 is in the form of
logK=A+B/T+CT (3-8)
It was based on the experimental observation that the electromotive forces
of hydrogen, silver-silver chloride cells used in their investigations of ionization
of acids could be expressed as a quadratic function of temperature. This led
them to suggest that AG® should also be a quadratic function of temperature,

leading to Equation (3-8). Differentiation of this equation leads to a AH® and
AC° that depend on temperature as AH® = D + ET2and AC_° = FT in which D, E
and F are constants. Although this equation has been widely used we wiil
choose another approach because the Harned-Robinson expression is

inconsistent with a principle established by Clarke and Glew®? that is discussed

later in this chapter.
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lves49-4! and colleagues have used various expressions containing T, 1/T,
T7, and In T, to describe the dependence of In K on temperature. Many of them
are inconsistent with the principle proposed by Clarke and Glew.3® |ves and
Moseley4? have shown that many of ‘hese equations are unnecessarily

complicated and lead to unjustified conclusicns absut the temperature

dependence of ACp°.
Pitzer 43 chose ACp° to be a constant and then used Equations (3-4) and
(3-5) to obtain
AH® = AHg® +AC° T (3-9)
and
AS° = ASg® +AC R InT (3-10)

in which AHg® and ASy° are constants of integration. These equations then lead

to
AG® = AHg® - TAS°+ AC (T-T InT) (3-11)
and
AS°-AC° AH®  ac®
- (1] p 8 p R
InK = — o+ —=2iT (3-12)

An important use of Equation (3-12) is in thermodynamic analysis cf
equilibrium constants that have been determined at . averal temperatures. The

aim is to evaluate the three initially unknown quaritities represented by
ASg°, AHy° and ACPO, and then to use these quantities in Equations (3-9) and

(3-10) to obtain the values of AH® and AS® at the temperatures of interest.
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Everstt and Wynne-Jones** have rewritten Equation (3-12) as a general

expression:

NK=A+B/T+CInT (3-13)
in which A = (AS_° - ACp°) /R, B=-AHP°/R and C= ACpO/ R

Although modern digital computers allow convenient fitting of Equations

(3-12) and (3-13) to experimeniai resuits in terms of the desired A, B and C or

ASy°, AHg%and AC_@, it is also ussful to consider another proceduce that was first
developed by Everett and Wynne-Jones.**
Equation (3-12) can be rearranged in terms of T, and K, as
T, In K= (T,/R) (AS¢° - AC°) - (AHg°/R) + (AC_°/R) (T,In T,) (3-14)

Similarly we can write this equation again in terms of T, and K.

Subtraction of this other equation from Equation (3-14) and rearranging gives
o o] o]
T,InK, - T,InK, _ 1:\09[T1InT1 -TZInT21 . ASe -ACp

T,-T, T R T,-T, : R

(3-15)

A graph of (T,InK-T,InK}) / (T,-T,) against (T,InT, - T,InT,)/ (T4-T,) leads to
a straight line with slope equal to ACp°/R and intercept equal to (AS,° -ACp°)/R.

Having obtained AC_° as just described, Everett and Wynne-Jones!44) used

the "sigma-plot” method for analyzing equilibrium constants at several

temperatures. This method is basad on Equation (3-12) in a different form:

AC? AH®  AS®-aC®
an-(-ﬁﬂ)mT:z:-RTM BR P

o

(3-16)
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A graph of X against 1/T leads to a straight line with slope equal to -AH,°/R
and intercept equal to (ASy° - ACPO)/R. from which AHg® and AS ° can be

evaluated when ACpo is known. Use of AH °,AS,° and AC.e in Equations (3-9)
and (3-10) then gives values of AH® and AS° at any temperature within the
range of validity of constant ACP.

lves and Moseley*? have made a useful modification of the earlier
procedure of Everett and Wynne-Jones that we have just described. They
developed a method known as the "difference table-sigma plot* method.
Ramette*> has also described and illustrated this method. In this method a
"difference table" is first built. The first column in the difference table consists of
the standard free energies AG®° at equally spaced intervals of temperature. "First
differences” are entered in the second column, named A1, and "second
differences”, A2, in the next column, etc. The first differences in the "difference
table" are related to entropies by way of

dAGP /dT = -AS° (3-17)
and second differences are related to heat capacity by way of Equations (3-17)
and (3-5).

In a difference table one sooner or later reaches a column in which the
entries are random numbers anrd all physical significance has been lost. This is
because the experimental values of AG® are subject to random errors and are
therefore not properly regarded as a strictly continuous function of the

independent variable T. Ives and Moseley42 concluded from the analysis of the
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difference table for ionization of cyanoacetic acid at 5 to 45°C that the random
errors in the experimental results limited them to considering AC e of ionization
to be a temperature independent constant.

lves and Moseley4? constructed a graph ot the entropies of ionization
obtained from difference table as -(A1)/AT against the logarithms of the

corresponding mean temperatures. On the basis of the temperature

independent ACp° and Equation (3-10), they then obtained the mean and
temperature independent AC_° of ionization from the slope of the resuiting

straight line, and finally obtained AH4° and AS,° using the sigma-plot method

based on the fundamental equation

)

AC
o _ .0 0 CI p )
AG° = aH? TAsg+jAcpdT T_[ 24T (3-18)
which is used as
AG® + TAC2INT =X =AH + (ACL- AS) T (3-19)

Consequently, they obtained the values of AH® and AS° at any temperature from
AHg°, ASg° and AC,° using the same procedure as discussed earlier.

it is also possible to apply the difference table-sigma plot method to In K
values by way of the van't Hoff equation as Ives and Moseley42 have pointed out
and as illustrated by Ramette.4> In a difference table in terms of In K, the first
differences relate to AH° by

AH® = RT, T,A1/AT (3-20)

AC_° can be obtained by using Equation (3-4) in the form
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ACpo = A(AH%) / AT (3-21)
Applying Eciation (3-21) to the successive values of AH® obtained from

(3-20) leads to a searies of ACp° whose average value is taken to be the desired

AC.°. Once AC.° is obtained AHy® and ASg° are evaluated from the slope and

intarcept of a sigma plot based on Equation (3-16).

lves and Moseley?42 observed in their difference table that A1 values are
distinctly different from zero and aiso increase significantly with increasing
temperature; the A2 values are all non-zero and significantly positive: the values
of A3 and A4 have alternating signs with mean values that are ;ot significantly
different from zero. They therefore concluded that the second differences are

temperature independent and the first differences vary linearly with temperature.

However, they also noted that significant non-zero third differences would

represent a term in ACp° that contains T and non-zero fourth differences would
represent a term that contains T2. On this basis, they wrote ACpo as
AC° = a+bT +cT? (3-22)

and carried out an extension of the sigma-plot methed. Ir this extended

sigma-plot method, Equation (3-19) becomes

AG®+ aTinT + -g-TZ #2702 5= 0K+ T(a - AS) (3-23)

The methods and equations discussed above are either empirical
equations or based on some assumptions. Although these equations are used
by many investigators, a more general method is still needed. Clarke and

Glew?3S have developed a general method of calculating thermodynamic
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function values from equilibrium data. In this procedure the essential idea is that
the various thermodynamic functions (K, AG®°, AH°, AS° and AC,°) are
considered to be continuous, well-behaved (differentiable) functions of
temper-iure. To apply this idea, a reference temperature 8 is chosen for which it
is desired to calculate the values of various thermodynamic functions ‘-at we
represent by AGg®, ASg°, AHg®, AC,.° (dAC,°/dT),, (d2AC °/dT?)g and
(d3AC_°/dT3),. On the basis of the stated assumption that AC,° is a

well-behaved function of temperature Clarke and Glew expressed ACPO at any

temperature as a perturbation of the value at the reference temperature 9 using
a Taylor series expansion:
0 o o 1,2, .0 2
ACp=A$pe+(dACp/dT)e(T-9)+§(d ACo1dT) (T-8)" +
. g(daACz/dTa)e(T -8) 4 - (3-24)

Using this general expression for ACp° in Equations (3-5) and (3-6) then

gives
) ) ) 1 ) 2 1,2 ¢ 3
AHC = BH+AC”, (T - ) + HdACL/dT), (T - 8+ 5{d ACE/dT) (T -0)'+
SdaCo/dT), (T-0)%+ . (3-25)
and

AS° = AS: + AC:e In(T/8) + (dAc;’/dT) [T-9-6in(T/8)] + %(dzaog/de)e

2 3
[Tzé . 26(T -6) + 6In(T/6)] + %(dSAC:/dTa)e [T 3 i %‘Z(Tz -0%)+

30%(T -6) - 6%In(TA)] + - (3-26)
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Substitution of Equations (3-25) and (3-26) into Equaticn {3-3) led Clarke

and Glew to obtain an equation of the form

AG o .1 1 o T )
RINK = - —BJ + oH [3 -5l +4C? [(%) -1+ i)+ %(dACp /dT), [

[s]

T T, 62,2, .0 T2 T
(5)- @) - 2N+ T3 (AT T 1) - 6 + 3 42 «

T 83 (BAc® T3 g2 I
in()] + 25 (a°aC) /dTB)B[\e) 6()° +18()-10

-3(8 - 12[,-,(-_5] P (3-27)
T C)
Equation (3-27) is customarily expressed in a simple form as

RNK=A+B/T+CinT+DT+ET2+FT3 + - (3-28)

in which the constant F relates to d3ACp°/dT3; E relates to dzAC;p°/dT2 and

d®AC,°/dT3; D to dAC_°/dT, d2AC°/dT? and d3AC,°/dT3; C to four tarms (AC°to

d?AC°/dT3); B to five terms (AHS to d3ACp°/ dT3); and A to all six terms (AG®° to
oPAC o/dT3).

Equations (3-27) and (3-28) zre general expressions for the representation
of InK as a function of T. The termination of a Taylor series expansion depends

on calculation requirements and the accuracy of experimental measurements.

Equations (3-27) and (3-28) can be either reduced or extended. As Clarke and
Glew3? pointed out, the termination of a Taylor series expansion on AC,° at
d3AC°/dT3, which leads to five parameters in Equations (3-27) and (3-28), is

sufficient for most accurate sets of equilibrium measurements.

Equations (3-27) and (3-28) can be reduced to a simpler form when
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where O represents the reference temperature, which they chose to be 298.15K.
Although Halliwell and Strong*® obtained Eqguation (3-29) in a different way,
Eaquation (3-29) is essentially the same as the five constant Clarke and Glew
equation (Equation 3-27" after combining the constants K, to K, with Equation

(3-29) and rearranging the combined equaticn as a function cf variable T.

it can now be seen that Equation (3-13) proposed by Everett and

Wynne-Jones** is a simplified form of Equation (3-28) with AC_° reduced to only

the ACp9° term. Equation (3-8) is unsatisfactory because the constants in
Equation (3-8) are a combination of (A,B,D) from Equation (3-28), which is
contrary to the principles first explained by Clarke and Glew.

We now apply the principles and procedures discussed above to obtain
thermodynamic functions from gas-liquid chromatographic equilibrium
constants. We start by specifying the equilibrium to which K (Equation 2-24)
refers:

K
Substance "2" (g) = S ubstance "2" (in solution) (3-30)

As the first step in deriving thermodynamic quantities for the equilibrium
represented by Equation (3-30), the enthalpy of solution is considered to be
tamperature independent and is obtained from the slope of the plot of In K

against 1/T. Equation (2-32) shows that the equilibrium constant is directly
proportional to specific retention volume Vg°. Thereiore, a plot of in Vg° against
1/T should give the same slope as that of In K versus 1/T and the same vaiue of

AH®.  Therefore, Vg° has been widely used in place of K and Equation (3-6) has
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been rewritten as

AH° =-RdlIn Vg° /d(1/T) (3-31)

it should be noted that AH° caiculated by Equation (3-31) is actually an
average AH° over the temperature range studied and so is justified only for
small temperature ranges or for experimental results of low accuracy. For a
large temperature range and for data of good accuracy, the temperature
dependence of AH® should be taken into account.

The standard Gibbs energy (free energy) change is calculated by

AGP=-RTInK=-RTIn (Vg° M, /R 273.15) (3-32)

and the AS° for dissolution is then obtained from the basic thermodynamic
relation represented by Equation (3-2)
The quantities AH®, AG® and AS® refer to the equilibrium process presented

by Equation (3-30} where the standard state for solute in solution is the

hypott etical solute state obtained by extrapolating Henry'slawto © - ..
Thermodynamic properties for many gas/liquid or vapoi'i..id -~ .1ams have
been studied. Most investigators have assumed the enthalpy .. " dluticn tc be

temperature independent (ACp° = 0) in spite of the fact that for many systems the

graphs of Iin K against 1/T show observable curvature. Theretfore, in the next

step we consider the temperature dependence of enthalpies of sclution in GLC
Previously, most investigators stopped at the first step, taking logK or logvg°

against 1/T to be linear. Only a few have tried to fit a non-linear equation to In K

obtained from GLC to account for temperature dependence of AH® and obtain
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the value of AC_°. Meyer and Baiocchi4®5% made accurate measurements of
specific retention volumes for n-octane and cycioheptane in n-CyH,,. They
observed the curvature in plots of In Vg against 1/T and corrected these
curvatures by fitting a quadratic equation in Vg° = A + B/T + C/T2 to the values of
in 'v'g° and 1/T. They aiso fitted the data with other two functions: In Vg° =A +

B/(C+T) and In V°= A + B/T + CIn T, of which the second equation is actually a
simplified form of Equation (3-28). From these fits they obtained the values of

heat capacity ACp°.

it is possible, in principle, to treat the temperature dependence of AH® in a

general way, that is, by applying the procedure suggested by Clarke and Glew?42

in which they consider a temperature dependance of ACpO (Equation 3-24).
However, previous experience and s :liminary assessment of accuracy of our
experimental data have suggested that it will be sufficient to consider AC,° to be
a temperature independent constant, so we simplify Equation (3-24) to ACpo =
ACpe 2. Then Equation {3-25) reduces to

[o] [o] Q
AH = 4H_+(T-6) AC, (3-33)

Considering a constant AC,° and using V,° to replace K, Equation (3-27)

becomes
B4 g &) g
Vo = | —&r—. _ P -Q - -343
% n\/':‘e + — [e 7+ = [m(-e—) + 2 -1 (3-34)
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By fitting Equation (3-34) to the specific retention volume data, we obtain AHg®

and ACp°. AH° can then be calculated at any temperature using Equation

(3-33).

The reference temperature 6 might be chasen as any temperature. Many

authors prefer to choose 25°C because the thermodynamic functions are

commoniy reported at 25°C. But the best resuits are obtained by choosing 6 to

be in the middlie of the experimental temperature range.

infinite Dilulion Activity Coefticient, Y~

Many investigators have chosen to describe the results of thermodynamic
investigations using GLC in terms of "infinite dilution activity coefficients” for the
solute, with activities and activity coefficients based upon a Raoult's law
reference state with the vapor pressure of the pure liquid solute substance as a

standard state. In order to derive an equation which enables us to obtain the

infinitely dilute activity coefficients, Y, from specific retention volumes, we first

consider the standard state uf solute in relation to Fig. 3-1. In Fig. 3-1 the solid
line illustrates the vapor pressure of a typical substance (2) that we call the
solute. The dashed line represents Henry's law that is especially useful for the
solute in dilute solutions and the dotted line represents Raoult's law. When we

choose a standard state (indicated by K in the figure) for the soiute based on

Henry's law, the soiute activity coefficients are unity for the Henry's law (very
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illustration of Raoult's Law and Henry's Law
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dilute) region and are close to unity in other dilute solutions. We regard this
choice as the most convenient and therefore preferable for GLC investigations.
However, it is permitted to choose a standard state based on the solute in the
pure liquid state (provided that the experimental temperature is below the critical
temperature for the solute) with the standard state denoted by P,° in the figure.
In this case, solute activity coefficients for very dilute solution (Henry's law
region) are usually substantially different from unity. This infinite dilution activity

coefficient is a measure of the deviation of a dilute solute from the ideal property

represented by Raoulit's law.

We now consider a very dilute solution corresponding to X, in Fig. 3-1.

From the definition of activity coefficient, we have

- 3
e (3-35)

in which a, is the activity of solute, which has been given by Equation (2-25)

as a, =f,/1,°. Now since we have focussed on Raoult's law and chosen P,° as

our standard state, we rewrite Equation (3-35) as
- -}
- i,/ P,

72_ X

(3-36)
2

Because of the low pressure in the GLC column, we have f, = P,, which is

represented in Figure 3-1 by P,. The product of P,¢ and X,in Equation (3-36) is

expressed by P in Figure 3-1. Therefore we obtain
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0

= b
G5 (3-37)

for the infinite dilution activity coefficient. Combination of Equation (3-37) with
Henry's law and Raoult's law then leads to
¥5= Ku/ P, (3-38)

Further combination of Equations (2-38) and (3-38) gives the commonly

used equation for y,>, which dirertly reiates to specific retention volumes, Vgo
- R273.15

= (3-39)
2 Q (o]
VgM”_ P,

In Equation (3-39) the saturated vapor pressure of pure soiute, P,°, can be

obtained from the Antoine equation, log P,°=A-B/(t + C), in which t is the
temperature in degrees Celsius and A, B and C are Antoine constants that can
be obtained from the literature.>! When these Antoine constants are not
available for the temperature range of interest, the vapor pressures can be
calculated from other equations such as the Riedel equation, Vapres-2 equation

or Wagner equation.52 All these equations w th their constants are given in

reference 52.

The derivation of Equation (3-39) is based on several assumptions, most of
which can be met experimentally by a careful choice of experimental conditions
as has been discussed in Chapter 2. If some assumptions cannot be met
experimentally, corrections are needed. In the derivation of y,~, it is assumed

that nons of the following types of interactions exist in the vapor phase above
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the soiution: solute-solute, solute-carrier gas and carrier gas-carrier gas, which
implies an ideal vapor phase. Martire'2-13 has pointed out that if the gas phase
does not meet the ideal assumption a general equation should bs used which
allows for imperfections of the gas phase, in order to obtain a true activity
coefficient. This general equation is written as

(o]
273.15R PpB8y
N RT
PRVOM,

Iny3=1n (3-40)

in which B,, represents the second virial cosificient of the solute vapor. The
values of virial coefficients for many solutes have been evaluated and are
available in the literature.5® |f the values of B,, are not available, they can be

estimated from the Berthelot equation®4 or from an equation based 2n the
principle of corresponding states.5® The Berthelot equation has been shown to

be valid ior a variety of vapors over a large range of temperatures. It is
expressed as

o AT, 6T,

a— - \ -
82128 P, a 2’ (@41

in which P and T_ represent critical pressure and temperature, respectively. An

equationS® based on the principle of corresponding states, which is valid only for

n-aikanes, is

B Tc Tc 2 T 45
v 0.430 - 0.886(:[-.—) - 0.694(-1—_-) - 0.0375(n-1 )(-T-) (3-42)

c

in which n is the number of carbons in the n-alkane. Neither Equation (3-41) nor

(3-42) is applicable to polar compounds. if the B,, values are not available, we
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are then unable to apply Equation (3-40).

Previous work'2 has shown that the assumption of an ideal gas phase is
valid when the carrier gas is helium or hydrogen under usual GLC conditions.
Since we have used helium as the carrier gas in this work, we calculated
activity coefficients by directly applying Equation (3-39) without considering

corrections for non-ideality of gas phase.

Solubility: Henry's Law Constant K,

Solubility of gases in liquids can be expressed in many ways. In gas liquid
chromatography we express the solubilities of gases in liquids in terms of
Henry's law constants. The Henry's law constant can be related to the mole
fraction of a gas in a liquid, X,, which is most commonly used in other static
methods, by way of Henry's law (Equation 2-33). Once the Henry's law constant
is known for a gas-liquid equilibri..n system, the mole fraction of gas dissolved

in liquid can be calculated from
X, =P,/ Ky (3-43)
in which P, is the equilibrium partia! pressure of tha solute above liquid.
It should be pointed out that Equation (3-43) is valid only for low partial
pressure systems, in which the fugacity of solute gas is taken as the same as
the partial pressure. If we tried to apply Equation (3-43) to a high pressure

system, we would need to use the fugacity of solute rather than partial pressure,

such as is used in the Krichevsky-Kasarnovsky equation or Krichevsky-llinskaya



equation. This will be discussed in detail in Chapter 6.
The equation for calculating Henry's constants from GLC retention volumes
has been derived in Chapter 2 (Equation 2-38). The Henry's law constant

calculated by this equation is expressed in terms of pressure. In order to use
Equation (2-38) to calculate K,,, we need to know the molecular weight of the

stationary phase. When the stationary phase is a pure chemical compound thse
molecular weight is known or can be measured. iiswever, it the stationary
phase is a polymer or a mixture with a complicated cernposition, such as heavy
oil or bitumen, the molecular weight is not always available. In this case we

might prefer to express the Henry's law based on molality, m, as

g -m (3-44)

in which K™ represents Henry's law constant based on moiality and m indicates

the molality of the solute in stationary phase. Using a similar procedure as used

in Chapter 2, we can derive

m_R273.15

K
" 4000 Ve

(3-45)

Note that in Equation (3-45) the molecular wseight of stationary phase
disappears and so0 one can obtain the Henry's law constant without a
knowledge of the molecular weight. Equation (3-45) is very useful for

engineering and industrial calculations.



Chapter 4
Solubilities and Thermodynamic Properties of Gases

and Vapors in Bitumen

Introduction

The solubilities of gases and vapors i bitumen are important data for
fundamental studies of enhanced oil recovery. For example, it has been
proposed that various steam-based processes for in-situ production are
improved by addition of light hydrocarbons to the injected steam. One of the
processes used to enhance oil recovery is to pump a gas such as carbon
dioxide or natural gas into the reservoir from an injection well. Most of the gas
forms a front to push the oil bank toward the production well while part of the gas
dissolves in the oil and bitumen, thus reducing the viscosity of heavy oil and
bitumen. Anoth:+: .ample of the need for solubility data is associated with the
suggestion that bitumen can be recovered from mined oil sands by way of
solvent extraction using dichloromethza: ¢ some other solvent. Design and
assessment of these and other production processes should be based partly on
solubility-pressure data for a range of temparatures. Similar data are ajso
needed in connection with recovery of relatively expensive additives such as

dichloromethane or light hydrocarbons from the produced bitumens.

1. A version of this chapter has been accepted for publication in the Canadian Journal of

Chemical Engineering, 1990.



Previous experience has shown that it is difficult to measure the solubility of
gases in bitumen because of the very high viscosity. To deal with these
difficulties there are two new approaches that are applicable to this problem. In
one approach other researchers in this laboratory have applied a conventional
equilibrium methed (PVT measurement) to measure solubilities of gases in
bitumen that has been diluted with a solvent (toluene) to reduce the viscosity,
and have attemped to obtain by suitable calculations the solubilities in
un-diluted bitumen. Another approach, which is described here, has been to
use gas-liquid chromatography (GLC) to obtain Henry's law constants for
several gases and vapors in bitumen over a range of temperatures. The
anticipated advantage of the GLC method is that the high viscosity of bitumen
would not cause a problem in our measurement, because in this method the
bitumen is spread in a thin layer on a solid support, which allows rapid
equilibration. The anticipated disadvantage of the GLC method is that this
method would not vield accurate results for the ieast soluble gases, althrough
some of which are very important.

Because we have applied the GLC method to obtain retention volumes for
several gases and vapcors at soveral tempeoraturss, it has been possible to use
these results in thermodynamic calculaiions of enthaipies of soiution and other
quantities that have beer discussad in deizil in Chapters 2 and 3.  Further
thermodynamic analyses »f the solubilities of gases and vapors in bitumen are
also of interes: to users of solubility data since the temperature dependence of

the solubility it; re::ted {o thermodynamic functions such as enthalpy of solution.
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in practice, users of gas solubility data might need the data for many different
temperatures and pressures, but it is not practical to measure all solubility data
needed. Instead, we can carefully measure several solubilities over a range of
temperawures and tnen deveiop an expression through the equation of state and
some themodynamic properties, whicit permits us to calculate other solubilities
at different temperatures and pressures than thcse directly measured.

Another reason for thermodynamic analyses is that during the in-sity
reccvery process therma:! effects occcur that are associated with the dissoiution of
gases and vapors in bitumen. Aithough these effects might be measured
calcrimetrically, experience has shown that such measurements arg very difficult
because of the high viscosity of bitumen. Therefore GLC measuraments will
provide useful information about both solubilities and related thermodynamic
quantities. In this chapter the experimental procedurass for obtaining retention
volumes will be presented, alorg with the experimental results and derived

thermodynamic quaniities.

Experimental
Materials
Samples of bitumen from Athabasca and Wolf Lzke, Alberta, were provided
by Syrcrude Canada Ltd. and BP Canada Inc., respectively. The average
molecular weights (in benzene) were obtained by way of measurements at 40°C
with a vapor phase osmometer and were found to be 554 g mol' (Athabasca)

and 645 g mol" (Wolf Lake). Carrier gas (helium, 99.995%) was obtained from
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Linde (Union Carbide Canada Limited). Other gases (Ne, CO,, CoHg, C4Hg,
C,H,o) were supplied in high purities by Matheson Gas Products Canada.

Commercial sampies of all liquids used as solute vapours and toluene used as
diluent for loading bitumen on Chromosorb W were cobtained in the best
available purity and then further purified by distillation when necessary.

Chromosorb W solid support was provided by Mandel Scientific Company Ltd.

Apparatus

A Hewlett-Packard 5890A gas chromatograph, equipped with a model
3382A integrator, was used for obtaining retention times and peak areas. The
gases were detected with a thermal conductivity detector (TCD). The retention
times and peak areas were recorded by the integrator. The carrier gas (helium)
was passed sequentially through a molecular sieve moisture trap and an
oxygen trap before it entered the chromatographic column.

The temperature of the column (oven) was measured and displayed by a
digital thermometer installed in the GC. The accuracy of the temperature
measurements was determined using a platinum resistance thermometer, which
was also used for room temperature measurement. The maximum temperature
difference between that dispiayed by the GC and measured with the platinum
thermometer was smalier than 0.2 °C over the entire range ci temperature
studied. Table 4-1 shows the temperature calibration.

The flow rate of carrier gas was controlled with a needle valve and

measured at the outlet of the detector with a soap bubbie flow meter. The time



Table 4-1 Temperatures of the GC oven

Temp. displayed (°C) Temp. measured with platinum

resistance thermometer (°C)

30 29.81
40 38.85
50 49.81
60 59.88
70 69.91
80 79.97
g0 85.91
106 998.96
120 120.14
130 130.19

150 150.24
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at which a soap bubble moved through 10 m! was measured with the stopwatch
installed in the GC. The precision of the flow rate measurement was +0.1 cm?3
1in'' in the flow rate range 20 to 40 cm3 min-'. This precision was estimated
based on the standard deviation of at least five separate measurements. The
flow rate was also frequently checked between runs. Iif we found any slight
change of flow rate before and after a series of runs, we 100k an average value
for our calculations.

The column inlet pressure was measured with a pressure gauge installed in
the GC (accurate to £2 kPa). The outlet pressure (atmospheric pressure) was

measured with a mercury barometer (accurats to +0.01 cm Hg).

Columns

Columns were stainless steel tubing, 2 meters long by 1/4 inch outer
diameter. The column was first cleaned by sequentially flowing 2cetons,
distilled water, concentrated nitric acid, distilled water, concentrated ammonium
hydroxide, distilled water and acetone. The solid support was 60/80 mesh
Chromosorb W which had been washed with acid and treated with DMCS
(dimethylchlcrosilane) by the manufacturer. Bitumen that was to be used as the
stationary phase was dissolved in toluene, followed by addition of an
appropriate amount of Chromosorb W. The toluene was then removed by
evaporation in a rotary evaporator. The resulting Chromosorb W that was
coated with bitumen was placed in an cven at 30°C with a nitrogen atmosphere

for 2-3 hr to remove the last of the toluene, and was then used to fill a GLC
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column. The bitumen lcadings of various packings were deiermined by
measuring the weight losses of several samples on heating for 8 hr in a muffie
furnace at 800°C. Blank measurements were made to aliow for correction for
the mass of ash formed on heating bitumen and for the small mass loss
associated with heating Chromosorb W. Standard deviations of bitumen
loadings measured in this way ranged from 0.1 to 0.3%. Since the Zhromosorb
W particles are very easily fragmented, the particles must be handled with great
care during the whole coating process and the evaporator must be opsrated at
the lowest rotating speed.

One end of cleaned and dried tubing was filled with a small plug of
silanized giass wool and then connected to a vacuum source. The prepared
packing (Chromosorb W ccated with bitumen) was then slowly poured into the
other end through a small funrel. During the filling, the column was gently
tapped. Afier the tubing was filled with packing, another small plug of glass wool
was placed in the open end. The tubing was then coiled to fit in the GC oven
and compression fittings were attached at both ends. The packed column was

then cr -scted to the GC.

Retention Time Measurements

Each packed column was conditioned at 150°C with a carrier gas flow rate
of approximately 20 cm® min-' for 10 h. Because some of the lower boiling-point
constituents of bitumen might be lost during conditioning, columns were

;seighed before and after conditioning to permit correction for the very small
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amount of stationary phase lost.

Small samples of each gas/vapor investigated were injected with a 10 b

syringe along with neon, which was used to determine the dead or void time of

the column. The total injected volume of gas/vapor plus neon was 2 uL for most
solutes. Since for most solute gases/vapors investigated in this work the
retention times were independent of the size of sample injected, these solutes
(with neon) were injected seven times in sequence, and an average retention
time was obtained to be used in subsequent caiculations. The retention time
was found to depend on sample size for methanol at all tumperatures, and
dichloromethane at lower temperatures These solutes were therefore
investigated by injecting samples of different sizes, with resulting retention
volumes being extrapolated to zero sample Size to obtain the limiting retention
volume that is related to the desired Henry's law constant. Since the retantion
times for some less soluble gases (ethane, propane, carbon dioxide) are close
to the retention time of neon, the peaks cannot be separated. In this case, these
gases were injacted separately from riaon.

As was discussed in Chapter 2, several precautions should be taken in
order to obtain a "true" equilibrium constant from GLC retention time
measurements. Now we illustrate how our experimental conditions meet the
requirements presented in Chapter 2.

The optimum flow rate was first determined befcre any retention data were
taken. The optimum flow rate is defined based on rate theory of column band

broadening and obtained from a Van Deemter plot. In chromatography, peak
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band broadening has several causes, such as eddy diffusion, longitudinal
ditfusion, and mass transfer resistance etc. An ~quation which relates the
overall plate height to these terms and flow rate has been developed'-? and

written as

H=A+§-+CU (4-1)

in which A, B, C are parameters, u is the linear velocity »f carrier gas, which can
be obtained by dividing the column length L by the dead time of the column, and

H is plate height (height equivalent to a theoretical plate) v/hich is obtained by
H=L/N (4-2)

in which N represents the plate number that can be calculated directly from the
retention times and baseline peak width by the equation
R 2

N = 16 (=) (4-3)
t

in which W, is the baseline peak width.

A piot of H againt u shows a valley. The velocity at the minumum point is
callad the optimum flow rate Uepr» Which corresponds to the smailest piate eignt
and the best column efficiency.

To determine U,,,, a series of experiments was done at a wide range of

flow rates at the temperature of interest. The flow rates (cm3/min) are converted
to linear velocity u (cm/s) and plate heights H are calculated using Equations
(4-2) and (4-3). The optimum flow rate is then obtained from the plot of H
against u (Van Deemter plot). Figure 4-1 shows a typical Van Deemter plot. The

optimum flow rate obtained from this plot is about 3.5 cm/g, which corresponds to
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Figure 4-1 A graph of piate height against linear velocity of carrier gas for the

determination of optimum: fiow rate
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about 35 cm3/min.

Subsequent measurements were made at a flow rate slightly slower than
this optimum flow rate. We had to sacrifice some column efficiency to ensure
equilibrium between gas and liquid phases.

The solutes injected into bitumen columns included 4 gases and 9 vapors.
They are carbon dioxide, normal alkanes from ethane to octane, benzene,

toluene, m-xylene, dichloromethane, ind methanol. Injected gas or vapor

volumes less than 2 uL gave retention times that were independent of sample
sizes for most of these solutes, including carbcn dioxide, alkanes and threse
aromatics, thus verifying that solute concentrations were in the desired linear
isotherm or Henry's law region of ccncentration.

it was also found that the retention times depended on injected vapor

volumes for dichioromethane at lower temperatures and methanol at all

experimental temperatures, for all practical sample sizes. In these cases,
different vapor volumes were injected and retention volumes against area
percent of the sclute peak ware ploctted and gxtrapclated to zerc psrcent of
sample to obtain the limiting retention volume that applies to the linear isotherm
region. Examples of the relationship between retention volumes and sample
sizes for the two cases mentioned above are given in Figures 4-2 to 4-5. Figure
4-2 represents the plots for the specific retention volumes of pentane, hexane,
heptane and octane against area percent. Similarly, Figure 4-3 shows the
graphs for benzene, toluene and m-xylene. These figures indicate that the

specific retention volumes of these solutes are almost constant over the sample
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size range studied. Figures 4-4 and 4-5 represent the same plots for

dichloromeathane and methanol, respectively.

To study and if necessary eiiminate the effects of adsorption of solute on the
liquid bitumen and solid support surfaces, several columns having different
liquid loadings were studied. Specifically, measurements were ma "3 with “ve

columns with 5-20% loadings of Athabasca bitumen and three columns with

5-15% loadings of Woli Lake bitumen. The liquid loadings are presented in

Table 4-2. If the retentior volumes were found to change with the loading of
bitumen, adsorption by the liquid surface existed. In this case one would
measure the surface area of the packing and caiculate the liquid phase volume
to allow for the use of Equation (2-40) to eliminate adsorption contributions.
However, because specific retention volumes obtained from our columns with
different bitumen loadings showed no obvious trends, it was concluded that

adsorption of gases/vapors on surfaces was negligible in comparison with

solution in the bitumen. Therefore, the average specific retention volumes

obtained from different columns was used for subsequent calculations of

Henry's Law coristants and thermodynamic functions.
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Figure 4-2A  Graphs of specific retention volume against sample size for

pentane and hexane in Athabasca bitumen.
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Figure 4-2B  Graphs of specific retention volume against sample size for

heptane and octane in Athabasca bitumen.
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Tabie 4-2 Liquid loadings in Athabasca and VW/oli Lake Situmen columrs

Column Bitumen Loading (wt%)

Athabasca bitumen Wolf Lake bituman
column 1 8.38 11.31
column 2 7.97 13.97
column 3 18.66 5.17
column 4 12.57

column 5 4.34
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Results and Calculations

Specific Retention Volumes

The sperific retention volumes, Vg°. were obtained directly from GLC
retention time measurements using Equation (2-13). Table 4-3 presents the
values for specific retention volumes of the solutes in Athabasca bitumen.
Those for Wolf Lake bitumen are presented in Table 4-4. Tha specific retention
volumes in Tables 4-3 and 4-4 are average values from five columns and three
columns for Athabasca bitumen and Wolf Lake bitumen, respectively. These
average specific retention vulumes are used for further thermcdynamic

calculations.

Henry's Law Constants
Henry's law constants, K,;, were obtained from specific retention volumes

using Equation (2-38). The values of Henry's law constants for sclutes in
Athabasca and Wolf Lake bitumens are listed in Tables 4-5 and 4-6. Because
the meoiecular weights of both bitumens were determined (the molecular weight
for Athezbasca bitumer: 1s in agreement with the value measured and reported by
Alberta Research Council®® 80) we can use Equation (2-38) to obtain the
Henry's law constants. The Henry's law constants based on moiality, K™ can

also be calculated using Eguation (3-45). These values are not presented in

these tables, since thev are easily obtained by multiplying K, by M/1000.



'nfinite Dilution Activity Coefficients.

Vapor pressures of solutes at different temperatures that are needed for
activity coefficient caiculations in Equation (3-39) were calculated using Antoine

or other equations. Table 4-7 lists the equations for the vapor pressure

calculations along with the corresponding constants as well as the temperature
ranges in which the equations apply. The infinite dilution activity coefficients

were obtained using Equation (3-39). We present these values in Tables 4-8

and 4-9.

Calculation of AG°, AH®°, AS° and ACP°.

First we choose AH® as temperature independent to obtain AH° values from

the slopes of the lines in graphs of In Vg° against 1/T or by corresponding linear

regression of In Vg° against 1/T. Figures 4-6 to 4-8 show these graphs for
Athabasca bitumen and Figures 4-9 to 4-11 for Wolf Lake bitumen. Although

lines in several of the graphs are not quite straight, we have calculated average
siopes and thence the average (over the experimental temperature range) AH°

values that are presented in Table 4-10.

it was observed that the curvature of lines in some graphs of In Vgo against
1/T was signifizant in relation to experimental uncertainties, which was
confirmed by examination of the residuals of the linear fitting. Figure 4-12 is an
example plot of residuals showing a definite curve, which illustrates that the

enthalpy of solution is temperature dependent. Equaticn (3-34) was therefore
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fitted to V;° values listed in Tables 4-3 and 4-4. Values of AHg® and AC ° were
obtainad from the non-linear least squares regression. Values of AHg° and AC_°
are preser.’ed in Table 4-11. Note that AHg® and AC_° values are not reported

for some solutes (CO,, C,-C,, and methanol) because experimental data for

thece substances are represented adequately by the simpler linear equation,

which is equivalent to saying that some combinations of accuracy and
temperature range are insufficient to permit evaluation of ACPO. To evaluate the

justification of the fit of Equation (3-34) the residuals were examined again and
are given in Figure 4-13. The residuals from fitting of Equation (3-34) show

random scatter, indicating that further consideration of possible temperature
dependence of ACDO expressed by Equation (3-24) is not justified.

The values of AC_° can be used in combination with AHg® to obtain AH® at
any temperature through Equation (3-33). The AC,° values are also related to
the temperature dependence of entropy by Equation (3-10) that allows the
calculation of AS® at any temperature from the knowledge of AC_° and ASy°.

Values of AG,° and AS,° are also given in Table 4-11, as calculated using

Equations (3-32) and (3-2), respectively.
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Table 4-7 Equations for vapor pressure calculations
Solute Equation Constant Temperature Range
C, Antoine Equation A=7.41188 4.40-87.7°C
log P=A-B/(1+C) B = 1149.360
(t:°C, P: cmHg;j C=298.050
Cs Antoine Equation A = 7.23086 -0.49-152 °C
B =1175.581
C =271.079
Cs Wagner Equation
In P=1/T [A(1-T )+ A = -7.2430 144-469 K
B(1-T)' 5+ B = 1.44019
C(1-T )%+ C = -2.89556
D(1-T,)%] = -2.086207
(T: K, P : KPa)
Cq Riedel Equation A = 533.3412 177-508 K
in P=A+BInT+C/T B = -5.593326
+DT® C = -5508.8512
(T: K, P: kPa) D = 2.259624x10°16
C, Riedei Equation A = 62.808752 185-454 K
= -6.89£6277

C = -6474.2355
D = 2.2179356x10°'7

Cq Riedel Equation A = 69.033523 216-484 K
B = -7.7048846



ben

tol

xyl

CH,Cl,

MeOH

Vapres-2 Equation

In P=A+B/T+CT+DT?
+EInT

(T: K, P: kPa)

Wagner Equation

Antoine Equation

Wagner Equaiion

Antoine Equation

=-7315 5167
D = 1.754326x10°17

A = 124.86728
B =-7564.7711
C = 0.024669095
= -4.0448273x10°6
E = -1.824444x10°3

A =-7.37328
B = 1.586866
C = -2.950635

D =-2.7393712

A=7.01117
B = 1463.218
C =215.159
A = 7.35037
B = 1749.900
C = 252.747

A = -5.82559
B =-1.09829

C = 0.65916530
D =-9.8170887

A =8.18811
B =1676.569
C = 251.422
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278-478 K

195-594 K

§9.2-140.04 °C

146.85-326.85 °C

292-511 K

80-210 °C
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TABLE 4-8

Infinite dilution activity coefficients for solutes’ in Athabasca bitumen

t/eC

Ca Cy Csg Cs C, Csq Ben  Tol Xyl  DCM MeOH

30 1224 1308 1432 1551 - -

- - - 0.703
40 1.127 1225 1416 1507 1656 1819 - - - 0.723 -
5C 1.064 1.185 1380 - - - - - - 0.741

60 1.028 1.152 1337 1.445 1587 1688 0.855 0906 1.008 0.712
70 1.109 1.285 - - -

- - - - 0.732 -

g" - - 1.246 1.388 1535 1.624 0.819 0876 0954 0.697 0.063
90 - - 1.189 1.330 1513 1594 0.815 - - - 0.074
106 - - 1.148 1.322 1468 1549 0.770 0833 0933 0.871 0.076
10 - - - - - - 0.763 - 0934 - 0.082
120 - 1.090 1.279 1417 1522 0.738 0.818 09807 - 0.125
130 - - - - - 0.711 0.790 0.903 - 0.173
150 - - - 1202 1338 1.484 0.689 0771 0.878 - 0.:91

»
Abbreviations for solutes are the the same as in Table 4-3



TARLE 4-9

Infinite dilution activity coefficients for solutes” in Wolf Lake bitumen

74

Yoo

t/°C

C, C, Cs Cg C, Cq Bez Tol Xyl CCM  MeOH
30 1.382 1.437 - - - - - - 0.838 -
40 1.310 1.36t - - - - - - - c.841 -
50 1240 1295 1.478 1594 - - - - - 0.857
60 1.176 1.360 1.420 1.547 - - - - - 0.794 -
70 1202 1233 1369 1559 - - - - - - -
80 - - 1.314 1.465 1590 1.722 0.858 0926 1.034 0.747 0.166
90 - - 1.262 1.437 1.569 1.685 0.836 0.909 1.002 - 0.161
100 - - 1.210 1.396 1.528 1.648 0.813 0.88G 0.985 0.701 0.165
110 - - i.141 1.363 1.499 1.611 0.791 0.871 0.9:4 0.678 0.201
120 - - 1.078 1.306 1457 1.276 0.784 0870 0.968 0.657 0.198
130 - - 1.008 1.269 1414 1537 0L.758 0.832 02.936 0.642 0.217
i40 - - 0.947 1.228 1394 1517 0754 0.843 0.850 - 0.321
150 - - - - - - 0.722 0.805 0.914 - -

Abbreviations fo' solutes are the same as in Table 4-3



Table 4-10

Average enthalpies AH° (kd mol ) of solution of gases/vapours in bitumens

Solutes Athabasca Bitiimen Wolf Lake Bitumen
Carbon dioxide -18 -11
Ethane e -i0
Propane - -15
Butane o -19
Pentane -22
Hexane -3 -27
Heptane -32 -31
Octane -37 -35
Benzene -28 -28
Toluene -33 -33
Xylene -38 -37
Dichloromethane -28 -25

Methanol -58 -48




Table 4-11

AHC, AG°, ASy° and AC o for dissolving gases/vapours in bitumens

solute

0

-AH9° AGe" -ASQ'D ACD°
(K) (kdJ mol ) (kd mol™T) (JK'molYy (JK?moi)
Athabasca bitumen
C5 353.15 2c.8 4.46 80.0 17£10
C6 363.15 27.7 2.74 83.8 33x4
Cc7 353.15 324 -0.422 20.6 50+4
C8 373.15 36.1 -1.032 94.0 2814
Ben 383.15 27.8 1.80 77.3 70x10
Tol 383.15 32.8 -0.617 840 40+10
Ayi 335.13 37.2 -2.93 297 32+7
DCM 333.15 28.0 0.832 86.8 11520
Wolf Lake bitumen

C5 373.15 22.0 6.16 75.5 35+4
C6 373.15 26.1 3.79 80.1 62+10
C7 383.15 30.4 2.33 85.4 58t+14
cs8 383.15 34.8 C.063 91.0 53+8
Ben 383.15 28.3 1.93 78.9 32+17
Tol 383.15 32.8 -0.942 84.3 39+10
Xyl 383.15 37.0 -2.82 89.2 21+8
DCM 353.15 24.7 2.82 77.9 48+13
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Figure 4-6 A graphofin Vg° against 1/T for carbon dioxide, and the alkanes

from ethane to octane in Athabasca bitumen. Slopes from linear
fittings lead to average enthalpies over the temperature range.
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Figure 4-7 A graphofin V. ° against 1/T for benzene, toluens, and xylene in

Athabasca bitumen
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Figure 4-8 A graphofin Vg° against 1/T for dichloromethane and methanoi in

Athabasca bitumen
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1000/T

Figure 4-9 A graphotfin Vg° against 1/T for carbon dioxide, and alkanes from

ethane to octane in Wolf Lake bitumen.



81

In Vg°

Figure 4-10 A graph of In Vg° against 1/T for benzene, toiuene, xylene in Wolf

Lake bitumsen.
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Figure 4-12 Residuals from fitting In V° to linear function of 1/T7, showing an

obvious temperature dependence.
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Figure 4-13 Residuals from fitting In V° to Equation 3-34, showing randomly
scattered residuals.
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Discussion

Comparison of Henry's Law Constants

Most previous measurements of solubilities of gases in bitumen have been
made at pressures of the order of 1 MPa (10 atm) or higher. Solubilities of
gases at these pressures are of direct technological importance, but are not
directly related to Henry's law constants that are useful for thermodynamic
calculations. Some examples of complications associated with evaluation of
Henry's law constants from such relatively high pressure solubility data have
been discussed by Lu et al5% and by Bottomley et al.57 Considering the
experimental difficulties associated with conventional equilibrium
measurements of solubilities of gases in bitumen (especially at lower
temperaiures where thae bitumen has very high viscosities) and also the
uncertainties in calculations of Henry's law constants from the high pressure

solubility data, it is remarkable that there is reasonably good agreement
between many of the independent results for carbon dioxide in Athabasca

bitumen as summarized below.

We begin our comparisons by considering the resuits for the highest
temperature, and proceed toward consideration of lower temperature results.

The solubility resuits for carbon dioxide in Athabasca bitumen from Fu, et al. ©8

lead us to Ky, = 231 atm for 100°C, which is in excellent agreement with our K, =

229 atm for this same temperature, obtained by extrapolation (In K, vs 1/T) of
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our results. Earlier results from Svrcek and Mehrotra®® lead to K, ~ 182 atm for
97°C, which is in poor agreement with our K, = 216 atm for this same

temperature. Mehrotra et al.8% have reported results of comparative research

ucine at the University of Calgary (78.7-80.4°C) and the Alberta Research

Council (80.0°C).  Their results lead to K, = 138 and 160 atm, respectively.

The former result is in fair agreement with our K, = 157 atm, while the latter
result is in excellent agreement with our value. Earlier results from Svrcek and
MehrotraS® for 63°C lead us to K, =117 atm, in good agreement with our K =
111 atm for this same temperature. Other results from Svrcek and MehrotraS® for
42 and 24°C lead to Ky, = 99 and 82 atm, as comparec with our K, = 68 and 44

atm, respectively, for these same temperatures.

Comparison of Enthaipies of Solution

We have used the K, valiues calculated from the solubility data of Svrcek
and Mehrotra®® and Mehrotra et al.®® to estimate the enthalpy of solution of
carbon dioxide in Athabasca bitumen as AH® = 9 +4 kJ mol"!. The difference

between this value and our AH® = 18 + 3 kJ mol"! is somewnhat greater than the
sum of estimated uncertainties. In the absence of a definitive enthalpy of
solution from calorimetric measurements (very difficult because of high viscosity)
or another AH°® calculated from further solubility data, we are unable to

categorize one value as "better” than the othe..
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Since enthaipies of solution for solutes in bitumens have not been
determined previously we are unable to compare our enthalpies of solution with
literature data. However, there are several literature data on the enthalpies of
solution of these solutes in some high carbon number alkanes. Because
bitumen is composed of many kydrocarbons, it is of interest to compare our data
with those for the same solutes in pure alkane solvents as shown in Table 4-12.
Aithough the data listed in Tabie 4-12 were obtained by different authors, they
are remarkably constant for a solute in diffarent alkane solvents. We note that
AHP° for solutes in paraffin and bitumen are very close. This is expected since
both bitumen and paraffin are mixtures of high boiling-point hydrocarbons. In
addition, the average AH®° for a solute in all alkanes and liquid paraffin was
calculated and listed in the same table. We note that AH® values for solutes in
Athabasca bitumen are close to the averaged values, which might suggest to
petroleum and bitumen researchers that a mixture of salected high boiling-point
hydrocarbons could be used as an approximate model for bitumen.

Detailed examination of Tables 4-10 and 4-12 reveals that for alkane
solutes, the enthalpies of solution show a linear relationship with the carbon

numbers of solutes. Figure 4-14 shows a graph of average AH° of sciution
(Table 4-9) for normal alkanes from C, to Cg4 in Athabasca bitumen, which gives

a linear relation. Similar linear relationships have been found for other
homologous series of solutes.! This can be explained qualitatively as follows.

The enthalpy of solution for a homologous series can be expressed in terms

of two kinds of contributions: (1) methylene (-CH,) and methyl (-CH,) groups and
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Table 4-12 Enthalpies of solution (kJ mol'') for solutes in selected alkane

solvents and in paraffin and bitumen

AH / kJ mol!
solvent
n-Cg n-Cg n-C- n-Cq CHoCis  methanol

n-Co,q 24.9 29.6 34.4 39.2 23.0
n-C,,° 23.6 28.1 32.6 36.9
n-C,,P 24.4 28.6 33.1 37.9

¢ 24.5 28.6 33.3 37.7

d 28.9
N-CoyP° 25.2 29.5 34.1 38.7
n-Caq® 24.4 28.9 33.5 38.0
n-Cy,° 24.2 28.6 32.9 376
n-Cg,° 24 1 28.6 33.0 37.6
n-Cgg? 24.4 28.6 33.3 37.8
liquid paraffin® 25.1 28.5 32.1 27 57
average 24.5+0.5 28.8+0.5 33.2+0.7 37.9%0.7
Athabasca bitumenf  23+0.6 28+0.3 32+0.2 37403 £1840.8 58%2

reference 61
reference 14
reference 62
reference 63
reference 64

T 0o a0 Ue

present work
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(2) non-methyl cr methylene functiocnal grcups. This can be expressed by the
equation

AHP=NAHC oo +AHC o cH2 (4-4)

in which AH®g» is the contribution due tc one methyl or methylene group, n is
the number of methyl or methylene group in the solute mclecules, and
AH®..n-cH2 iS the contribution due to the functional groups (non-msthy! and
non-methylene). Since methyl and methylene groups are non-polar, they
contribute to the molecular interactions and, consequently, to AH® only by the
London dispersion forces. As each methylene group is added to the molecules,
the corresponding London dispersion forces increase proportionally. Therefore,
AHP° increases linearly with the carbon number of alkane solutes as shown in
Figure 4-14. Non-methylene functional groups (such as -OH) are polar groups.
They contribute to the enthalpy of sclution by very streng molecular interactions
such as hydrogen bonding, dipole-dipole interactions, and dipole-induced
dipole interactions. These interactions are much stronger than London forces.
Therefore enthalipies of solution are often large and less predictable for poiar
compounds. This explains why methanol and dichloromethane have

exceptionally high enthalpies of solution compared to the alkanes as shown in

Table 4-10.

Solubillties of Methane Iin Bitumens

We have been unabie to apply the gas-liquid chromatographic (GLC)

method to determination of Henry's law constants for methane in bitumen
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because the retention time for methane is very close to that for neon, which we
" ave used for evaluation of the dead time for sach column. Because of the
technoiogicai impertance of the soiubility of metharie in bitumen, it is worth

considering estimation of the desired quantities on the basis of our results for

heavier alkane solutes.

As shown in Figure 4-14, a linear relation betwean AH° and carbon

numbers of alkane was cbtained, which permits estimaticn of ihe desired AH® of
solution of methane (C,) in Athabasca bitumen. The same procedure can be
used for Wolf Lake bitumen.

Figure 4-15 shows a graph of In K, (for 40 and 60°C) against carbon
number for alkane solutes from C,to Cg in Athabasca bitumen. Similar graphs
with fewer points are obtained for other temperatures. Our resuits for the same
snlutes in Wolf Lake bitumen lead to similar graphs. Again the observed linear
relationships between In K, and carbon number permit estimation of In Ky, for

methane (C,) at each temperature.

Results of the estimation procedure described above lead to AH? = -5.8 kd
mol-1 for methane in Athabasca bitumen and AH® = -6.9 kJ mol~1 for methane in
Wolf Lake bitumen. Corresponding estimates of Henry's law constants for
methane in these bitumens are summarized by

In Ky =-(705/T) + 7.12 (methane in Athabasca bitumen) (4-5)

and

In K, =-(829/T) + 7.61 (methane in Wolf Lake bitumen) (4-6)
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Figure 4-14 A graph of enthalpies of solution against carbon numbers for

alkane solutes {ethane to octane) in Athabasca bitumen.
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In K,

Carbon Number of Alkanes

Figure 4-15 A graph of In K, for alkane solutes (ethane to octane) in Athabasca

bitumen at 40°C and 60°C against carbon numbers.
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Variation of Activity Coefficient with Carbon Number of Solute
Alkanes
Infinite dilution activity coefficients measure the deviation of solute

properties from Raouit's law. This activity coefficient is generaily considered to
be composed of two contributions called athermal activity coefficient +*") and

thermal activity coefficient (¥"). The athermal activity coefficient is independent
of temperature and is associated with the statistical effects due to inequalities in
the volumes of the molecuies of the solutes and solvents. The thermal activity
coefficient is dependent on temperature and is associated with the interaction
energies between molecules. The athermal contribution is not important for
some solutions, but it becomes significant for us since the molecular sizes of our
solutes and solvents are quite different. The thermal factor is always present for

non-ideal solutions.

Several theories have been developed to calculate and predict the activity

coefficient and/or their contribution terms, y 2" and y".65-72 These theorias are
based on the molecular sizes, moleculer structures and some other molecuiar
properties of both solute and solvent. Thus we can not apply these theories to
our bitumen system quantitatively because bitumen is so complicated that we
are unabie to know about individual molecules and their structures. Instead, we
can discuss our activity coefficients only qualitatively with the aid of the theories.

As mentioned previously, the activity coefficient can be expressed as two

terms
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o ath th
Iny =Iny + Iny (4-7)
or Y=y (4-8)

The athermal term ¥ is related to the excess entropy of solution and can be
evaluated oy the approximate form of Flory and Huggins theory85-6°
ath 1 1

iny =Inr—+(1-?-) (4-9)

In which r is the size ratio of molecules (stationary phase/solute). For our
systems r is always greater than unity. Equation (4-9) leads us to the following

conclusions: (a) When r is unity (r = 1), it is equivalent to saying that when thers
is no size difference between solute and stationary phase, In -f*‘”‘ = 0 and there
is no entropy contribution; (b) When In v2'" is negative it means that the entropy

contribution leads the soiution to deviate from Raoult's law negatively; (c) As the

size ratio increases. The eutropy contribution becomes more and more

significant in v becomes more negaiive, and the total activity coeflicient

decreases.

The thermal term ¥" is related to the partial molar excess enthalpy AHE,

Non-zero AHE can cause the solutions to have either a positive or negative

deviation from Raouit's law. y"‘ for a pure compound sclute in a pure soivent

can be estimated from molecular interaction theories such as Hildebrand-

Scatchard solubility parameter theory.”0-72

Now let us consider activity coefficients of C5 through Cg4 at a given

temperature. The data in Tables 1-8 and 4-9 show that the activity coetfficients
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increase with increasing carbon number of the solutes. This can be explained

qualitatively by the theory described above as follows. The effects of carbon

number of solutes on both ¥ and y" are two fold. First, the increase of carbon
number of alkanes leads to increase in the molecular size of solute and the

decrease of the size ratio between stationary phase and solute, which

consequentv leads to a larger v*'" based on Equation (4-8). On the other hand,
since the intermolecular forces between alkane solutes and bitumen are

dominated by London dispersion forces, the increase of molecular sizes leads to
an increase in the interaction forces (London forces) and y‘h increases as waeil.

Therefore, the total activity coefficient, y~, increases with the sclu‘a molecular
size.

The activity coefficients of methanol deviate further from unity than ihose of
alkanes and aromatics at the same temperature as can be seen in Tables 4-8
and 4-9. This is because of the strong molecular intaractions between methanol
and bitumen. The intermoiecular forces between methanol and bitumen are
stronger than those between alkanes or aromatics and bitumen because of the
polarity and hydroger bonding of methunal, which interacts strongly withy the
polar compounds contained in the resin and asphaltene iractions ¢f cilumen.
This explanation can also be supported by this exceptionally large enthalpies of

solution for methanol in bitumens as shown in Table 4-10.
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Chapter 5
Solubtlities of Carbon Dioxide, Hydregen Sulfide and

Sulfur Dioxide in Physical Solvents

Introduction
The removal of acidic impurities such as carbon dioxide (CO,), hydrogen

sulfide (H,S) and sulfur dioxide (SO,) from industrial gases is an essential step
in industrial processes such as petroleum refining, natural gas purification,
hydrogen manufacture, coai gasification and ammonia production. Some
processes require the separation of acidic impurities from the major gas stream
as acidic gases would cause problems in subsequent processes, such as

poisoning of catalysts. Other processes remove the acidic impurities for

specification of products and for environmental requirements since H,S and

SO, are among tne most harmfui gases to human and other iife. To remove

these impurity gases, many methods have been suggested and used, with
emphasis on absorption of impurity gases into a liquid agent, either by physical

absorption or absorption into a solution of chemical base.

The liquid agents used as absorbents for absorption of acidic gases can
be classified into two groups in terms of the kind of interaction with the gas. The

first group consists of chemical solvents (chemical bases) that are characterized

by reactions between acidic gases and basic liquid solvents. This chemical

absorption approach takes advantage of the relative acidity of the impurities.



97
Included in this group are aqueous solutions of alkanolamines such as
monoethanolamine (MEA), diethanolamine (DEA), and diisopropanolamine
(DIPA), potassium carbonate, and some caustic bases. The second group
consists of physical solvents, in which acidic impurities are physically absorbed
into solvents without any chemical reactions between gas and solvent. The
separation of contaminants from the main gas stream achieved by physical
absorption is based on a difference in solubility. The commonly used physical
solvents are organic polar compounds such as propyiene carbonate, Seiexol
(dimethylether of polyethylene glycol), methyl cyanoacetate, sulfolane
(tetrahydrothiophene 1, 1-dioxide), N-formyl-morphoiine, N-methyl-pyrrolidone
and methanol.

The principal differences between physical and chemical solvents have
been summarized by Astarita et al.”3 (see Table 5-1). These differences imply
that physical solvents tend to be preferred when the partial pressura of acid gas
in the feed is high, whereas chemical solvents are preferred when feed acid gas
partial pressure is low. Aithough chemical soivents have some advantages,
such as high degree of removal of acid gas, and usefulness in cases of low acid
gas partial pressurg, they possess considerable disadvantages including cost,

high heat c¢f absorption, corrosion of carbon steel, side reactions (base

degradation) and possible environmentai concerns. Corsidering the
differences between physical and chemical solvents, it appears that physical
solvent absorption may increase in importance in the future since physical

solvents have the advantages of low enthalpy of absorption heat, low cost,
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Table 5-1 Principal differences between physical and chamical solvents’3

Physical absorption

Chemical absorption

Capacity (solubility) proportional
to acid gas partial pressure

in feed gas

Low heat of absorption

Desorb by flashing (somc.imes)

Difficult to remove acid gas

completely (need many stages)

Capacity not highly sensitive to

acid gas partial presssure

High heat of absorption

Need low level steam for

desorption

Easily reduce acid gas to low

level in treated gas
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absence of side reactions and suitability for high concentrations of acidic gas.
The fact that physical solvents have a low heat of solution and can be recovered
vy flashing, which lead to low operational cost, will become more important in
the future as energy costs continue to rise. Therefore it is most likely that more
and more physical absorption units will be built.

The solubilities of acidic gases in physical solvents, along with the
enthalpies of solution that are related to the temperature dependence of
solubility are fundari;ental knowledge needed for the design and evaluation of
absorption systems. Scolubility data are also useful in selection of solvents.
Although th2 sowubiliies «of acidic gases in some solvents such as propylene
carbonate have been studied by quite a few investigators, the data for other
soivents still scarce. We have used gas-liquid chromatography to measure
solubilities of carbon dioxide, hydrogen sulfide and sulfur dioxide in four
physical solvents, including propylene carbonate, Selexd!, methyl cyancacetate
and N-formyl-inorpholine. The solubility data at severai temperatures have

been used in calculating the enthalpies and entropies of solution.

Experimental
The physical soilvents were coated onto the solid support by dissolving
each solvent into acetone that was later evaporated. The stationary phase
loadings (ratio of liquid to solid support) for cach solvent were as follows:
propyvlene carbonate, 14.0%; Selexol, 18.2%; methyl cyanoactate, 13.5% and

N-formyl morpholine, 13.2%. Teflon tubing of 3/16" internal diameter and 6 feet



100

long was used for the columns in place of stainless steel to avoid any possible

reaction between acidic gases and the metal.
In this study, neon was used * ‘mine the dead time of the column. H,S

and SO, were injected individuailly with neon because their retention times
were much longer than those of neon and therefore the peaks were well

separated. The total injection volumes (H,S or 50, plus neon) were 1 microliter

(uL). The ratention times for both H,S and SO, were found to be sample size
dependent and so an extrapolation procedure, as described in Chapter 4, was
employad to obtain the retention volumes at infinite dilution (Henry's law range).

The retention times of carbon dioxide were found to be very close to the
retention times of neon and also to be sample size independent. Therefore, CO,

and neon were injected separately at least seven times. The avirage retention

times of CO, and neon were then used for calculations.

Methy! cyanoacetate and propylene carbonate were obtained from Aldrich
Chemicals and were 99.0% pure. Selexol was supplied as a mixture with
0.87% of water, by Harrisons and Crosfield, Ltd. The water content in Selexol
was determined using the Karl Fisher method by the microanalytical laboratory
in the Department of Chemistry, University of Alberta. 99.0% N-formyl
morpholine was provided by BASF. All solute gases were supplied by

Matheson Gas Products Canada. Skeletal formula and physical properties of

these physical solvents are listed in Table 5-2. Although Selexol is a mixture of

polymers, the average value of n can be estimated from the average molecular
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weight. For an average molecular weight of 266 g mol'!, the average value of n

is estimated to be 4 for this particular sample.

Results and Discussion

Retention times of carbon dioxide, hydrogen sulfide and sulfur dioxide in
the physical solvents listed in Table 5-2 were measured. The specific retention
volumes were calculated using Equation (2-13). Solubilities expressed as
Henry's law constants for the acidic gases in the physical solvents were
obtained using Equation (2-33) and are presented in Table 5-3. The average
enthalpies of solution of the acidic gases in the physical solvents were cobtained
from the slopes of the graphs of In Vg° against 1/T (or In K against 1/T) and are
listed in Table 5-4. The entropies of solution at 25°C are aiso included in Table
5-4. Figures 5-1 to 5-3 are graphs of In K, against 1/T that represent the
temperature dependence of the solubilities.

The data on hydrogen sulfide in N-formyl-morpholine and sulfur dioxide in
both Selexol and N-formyl-morpholine are not included in the tables and figures.
Measurements of these systems were attempted, but the gases did not elute out
from columns. For other columns such as prog.iene carbonate or methyi
cyanoacetate, hydrogen sulfide and sulfur dioxide eluted in half a minute to
several minutes after the neon peak, depending on the temperature and flow
rate, hut they did not elute from N-formyl morpholine column after one to two

hours under the same experimental conditions (even increasing column
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Table 5-2 Properties of physical solvents
solvent structural molecular weight  boiling point  viscosity  density
formuta (@ mort) c) {cps) (Gem™)
(25°C) (25°C)
Selexol c-0-C-C-(0C-C)-0C 266* 276 3.6 1.027
AN
T
N-formyl C C 115.3 - — 1.144
Morpholine \\\,/
i
o
Propylene 1028 240 2.4 1.189
Carbonate - C 0
C——— C==——0
Methyl N==C C C 100.1 202 1.8 1.103
Cyanoacetate o C

* The average molecular weight of Selexol was measured in the microanalytial laboratory in

Department of Chemistry, U. of A. The method used is V.P.O. at 40°C with benzene as solvent.
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Table 5-3 Henry's law constants (atm) for acid gases
in four physical solvents
Temperature (°C)
Solvent Gas
25 30 40 50 60 70

Propylene CO, 84.2 94.0 113 122 152 159
Caroonate H,S 23.1 261 31.7 34.8 43.6 491

SO, 1.46 1.79 2.44 3.36 4.63 6.18
Methyl CO, 88.1 §9.6 111 133 141 _
Cyanoacetate H,S 28.1 28.8 36.0 44 1 48.7 _

SO, 2.37 2.62 3.78 5.25 6.97 _
Selexol CO, 35.2 39.0 46.1 55.5 64.7 _

H,S 4.34 5.00 6.33 7.77 9.94 _
N-Formyl CcOo, 70.5 80.0 91.2 110 131 147

Morpholine
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Table 5-4 Average enthalpies and entropies of solution for acid gases in four
physical solvents
Solvent Gas -AH® (kd mol™')  -AS°,g4(d mol! KT)
Propylene Carbonate CO, 12.2 40.9
H,S 14.1 47.3
SO, 27.0 90.6
Methyl Cyanoacetate CO, 12.4 41.6
H,S 14.1 47.3
SO, 26.3 88.2
Selexol CO, 14.3 48.0
H,S 19.1 64.1

N-Formyl-Morpholine CG, 13.7 46.0
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temperature). The most likely expianation is that some chemica! reaction such

as complexation between H,S or SO, and the solvents or impuriiies took piace

and so held the gases in the stationary phase. For some of these systems (H,S

ir, N-formyl morphoiine) our partial molar volume measurements (see Chapter 6)
show an unusual phenomenon (color change) which also suggested the
possibility of a chemical reaction.

Chemical solvents such as alkanolamines have been widely studied, but
only a few physical solvents have been investigated.?474-82 |n these studies,
most of the solubility results have been published directly as gas-iiquid
equilibrium data, such as the w<ight percent, volume percent or mole fraction of

gases dissolved in liquids at specified temperatures and pressures. For the four
physical solvents studied here, only Henry's law constants of CO,, H,E€ and
SO, in propylene carbonate =1d CO, in N-formy morpholine have been
published by a few authors.24.74-/7.81.90 The solubilities (expressed as mole

fractions) of H,S and CO, in Selexol have been measured®? but values of
Henry's law constant are not available. Solubilities of H,S and CO, in methyl

cyanocactate and SO, in three of these four solvents have not been published.
We now compare the available data to our experimental results.

We start our comparison first by comparing available literature values of
Henry's law constants for CO,, H,S, and CO, in propyletie carbonate and CO,

in N-formyl morpholine with our experimental data. Table 5-5 lists all available

previous Henry's law constants along with our values at the same temperatures.
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Some of the data in this table are listed as reported by the orginal authors while
other values were obtained by interpolation from graphs of Henry's law
constants against temperatures (In K, against 1/T) as given in the literature. It
should be noted that the literature data shown in Table 5-5 werc obtained by
different methods. Values labelled a, b, d, e, f, h and i (Table 5-5) were obtained
from a static method using an equilibrium cell, wherease value ¢ and g (Table
5-5) were obtained by gas-liquid chromatography. Generally our results are in

good agreement with the literature values, even though the latter were obtained

by different authors using various methods.
Solubility data expressed as mole fractions at different pressures for CO, and

H,S in Selexol were obtained by Mather et al/ 82  These solubility data at lower
pressures and dilute concentrations can be used to calculate the Henry's law
constants. The calculation of Henry's law constant is based on the basic
definiticn, K, = :':0 (f/x). The fugacities of the gases were first calculatea using

the virial equation. Then the fugacities were plotted against mole fractions. The
slope of this plot gives the Henry's law constant. The Henry's law constants
estimated from Mather's data for H,S in Selexol at 25°C and 40°C are 4.47 and
5.17 atm, compared to our values of 4.34 and 6.33 atm, respectively. The same
procedure gives K, for CO, to be 34.3 atm at 25°C and 41.8 atm at 40°C as
compared to our GLC results of 35.2 and 46.1 atm respectively. We can

conclude that the Henry's law constants from our GLC measurements and from

Mather's equilibrium cell measurements are in reasonable agreement.



Table 5-5 Comparison of Henry's law constants for CO,, H,S and SO,
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in propylene carbonate (PC) and CO, in N-formyl morpholine(NFM)

system 25°C 30°C 40°C 50°C 70°C
CO,-PC 84.2° 94.0° 113" 122°
82.8ab 850 112¢ 123b
8s¢ 1164
113®
105°
H,S-PC 23.1° 26.1" 31.7° 34.8
25.3ab 27Y 33d 38.6°
21.9 34.5!
20.99 33.89
CO,-NFM 70.5° g1.2" 147"
68.0" 88.0h 136N
SO,-PC 1.46°
1.208
1.51i
*:our work
: reference 75
: reference 77, b': interpolated values from the graphs in reference 77

: reference 24

: reference 76

: cited values in reference 76
: reference 79

: reference 74

: refererce 81

: reference 90

-TJ0 . 000 0N
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The Henry's law constant is related to the maximum acidic gas !oad

possible in a physical solvent, a__., and the acidic gas partial pressure in the

feed gas, P; by Henry's law:

o = Pi/ Ky &1)
Equation (5-1) indicates that the smaller the Henry's law constant is, the
greater the solubility of the acid gas in the soivent. From Table 5-3 and Figures
5-1 to 5-3 we have seen that H,S and CO, have the smallest Henry's law
constants and consequently, the targest solubiiities in Selexol. Therefore,
Selexol is the strongest absorbent for CO, and H,S. We also note that for all
solvents at a give temperature, the Henry's law constants for different gases

have the trend CO,>H,S >SO,. This trend means that under the same

conditions and in the same solvent, SO, is the most soluble gas. This is

potentially very useful information for industrial acidic gas separation. In
industry sulfur dioxide is most commonly removed by absorption into a
limestone-water slurry in a process known as the throwaway process. This is an
economical method since it uses the cheapest chemicai absorbents. However,
this throwaway process generates a large amount of waste sludge and is not
always suitable because of problems with the disposal of the sludge. Therefore,
recoverable processes are of interest. Recoverable processes have not been
studied as much as the throwaway processes, although some recoveratie

processes, such as sodium sulfite solution absorption and sodium citrate
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absorption have been suggested. Our solubility measurement results indicate
that sulfur dioxide is highly zuluble in the physical solvents studied in this work.
From a thermodynamic point of view, these physical solvents can certainly be
used to remove sulfur dioxide.

The enthalpy of solution is an important consideration for the gas removal
absorption process. The effects of enthalpy of solution on absorption are
two-fold. First, the enthalpy of solution determines the heat generated during the
absorption process. Since the absorption takes place at lower temperatures, a
high heat of soliution would result in more energy being required to keep the
temperadture down. On the other hand, heat of solution is directly proportional to
the temperature dependence of the solubility. A smail temperature dependence
makes the regeneration of soclvent more difficult because the temperature swing
required between the absorption and desorption steps is greater for a lower
temperature dependence. The heat requirement for a process increases with
increasing temperature swing. Thus, 2 solvent with a strong temperature
dependence (large heat of solution) requires less energy to desorb the

absorbed acid gases to regenerate the solvent. Table 5-4 shows that different
acid gases have different enthaipies of solution. AH° values for SO, are much

larger than those for CO, and H,S in the same solvent. AH° values for the same

gas in different solvents do not show significant differences.
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Figure 5-1 Henry's law constants for CO, in physical solvents as

a function cf temperature.
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Figure 5-2 Henry's law constants for H,S in physical solvents as
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Chapter 6

Partial Molar Volumes of Acid Gases In Physical Solvents

Introduction
The partial molar volumes of gases in liquids are important for theoretical
considerations and in engineering applications. For example, the volume
expansion on mixing significanily contributes to entropy of solution.”® The

theoretical calculation of the partial molar entropy of solution of a dilute solute

requires values of solvent internal pressure related term (9p/aT),,, and solute

partial molar volume, Vz. The partial molar volume is important in engineering

because it is needed to estimate the solubility of a gas in a liquid at higher
pressure. The Henry's law constant can be used to calculate the solubility of a
gas in a liquid at lower pressures and very dilute solutions (Henry's law region),
as was discussed in previous chapters. However, in practical applications, the
pressures are usually high and Hanry's law cannot be assumed to be valiia.
Therefore, the pressure dependence of Henry's law constant or an equation
which correlates the solubility of a gas with pressure and temperature is needed.

The Krichevsky-Kasarnovsky equation!'-83 has been suggested for this

calculation:
-~ OO 3
A V,(P- P
In (Y—)=| KH + —TJ (6'1)

In Equation (6-1) P,s represents the saturated vapor pressure of the soivent at
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temperature T, P is the pressure of the gas at which the solubility is calculated:
K, represents the Henry's law constant at the pressure of P,s and V2°° represents
the partial molar volume of the gas in the liquid at infinite dilution ; X, represents

the mole fraction of the gas in the liquid and f, is the fugacity of the gas at

pressure P and temperature T.

Equation (6-1) can be used in two ways. First, if the values of K(P,s) and
V2°° are known, the solubility expressed in mole fraction X, at any pressure P
can be predicted. Another way for using Equation (6-1) is to calculais the
Henry's law constant and partial molar volume from the values of solubilities, X,
at different pressures, P. According to Equation (6-1), a plot of In (f,/X,) against
(P - P,s) gives a slope of V,=/RT and intercept of InK,;(P;s). In both of the

applications, the fugacity of the gas at pressure P should be known prior to the

calculations.

The relation between fugacity and total pressure P has been given by

oln § Vv
R (6-:2)

and the ratio of fugacity to pressure is given by

3in(f/P). alnf NPV 1

=G G m R (6-3)

Integration of equation (6-3) from zero pressure (at which {/P=1 and In({/P)

=0) to P gives
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P
In () = | [—Yﬁ--;,—]dp (6-4)
0
Equations of state (P-V-T equation) can be placed in Equation (6-4) to
obtain the values of f/P. A simple way to use Equation (6-4) is using the virial
equation if the virial coefficients are available:
PV = RT (1+ B/V + CNV2 + DAB + ) (6-5)
or
PV =RT (1 +BP+CP2+DP3+-) (6-5)
in which B or B' is the second virial coefficient, and C or C' is the third virial
coefficient. The relation between B and B' is given by B = B'RT. Similarly, we
have C = (RT)2 (C' + B'?). Substitution of Equation (6-5') intc (6-4) and
integration then leads to
f C_2 D _3

Ins = B'P+>P 5P (6-6)

A virial equation that contains only the second viriai coefficient (B) is
accurate enough for our practical use. In this case, Equation (6-6) reduces to

In(f/P) = %;; (6-7)

or
In (/P) =BP (6-7")
in which the second virial coefficient B or B' can be obtained from the literature
or estimated as described in Chapter 3.
The use of Equation (6-1) for predicting the solubilities of gases in liquids at

different pressures requires knowledge of Henry's law constants and the partial
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molar volumes of the gases in liquids. We have applied gas-liquid
chromatography {Chapter 5) to obtain the Henry's law constants for acidic gases
in physical solvents. In this chapter, the results of measurements of partial molar
volumes of these acidic gases in the solvents are reported. The solubilities at
higher pressures are estimated and'compared with experimental values.

Partial molar volumes of gases in liquids have been summarized by Battino

and Clever84, Clever and Battino8 , Handa and Benson®® and Handa et a/.87
The measurement of partial molar volume, VZ, can be carried out by one of the

three methods: (1) by measuring the density difference between degassed
liquid and gas-saturated liquid, {(2) by determining the dilation of the liquid due
to dissolution of the gases, or (3) by studying the pressure dependence of the
gas solubility in liquid. Of these raethods most investigators have used the
dilatometric methcd. The first dilatometeric measurements of partial molar
volumes were described by Horiuti.88 Since then, Horiuti's dilatometer and
many modified versions have been widely used in the determination of partial
moiar voiumes. Aithough these kinds of apparatus have given accurate resuits,
they are very complicated. A new and simpler dilatometer has been designed
and used in this research laboratory.57 In this chapter we will describe briefly
the dilatometer, and then report the use of this dilatometer to make partial molar

volume measurements on acidic gases in physical solvents.
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Experimental
Principies oi the Dilatometer
the partial molar volume of a solute in solution is defined by
oV

v,- (X

6-8
anz )n|,T,P ( )

in Equation (6-8), V represents the totai volume of solution and n, represents the
number of moles of dissclved gas. Knowing the volume of solution as a function

of composition, Equation {6-8) can be used to obtain -\72 directly by differentiation

of the function with respect to n,. However, in practice, the partial molar volumes

are more conveniently calculated from apparent moiar volumes (6V5) that are

defined by

_ btal volume - volume ofpure solvent V-a,V,

‘W? moles of slue n

(6-9)
2

in which V,* is the molar volume of the purs solvent and n, is the moles of

solvent. Itis also known that
V= n1v1 + “2V2 (6-10)

where V, represents the partial molar volume of solvent. At infinite diiution,

v, =V,*; then

V=nV, +nV, (6-11)

Substituting Equation (6-11) into Equation (6-9) gives

=V, (6-12)
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Equation (6-12) indicates that the partial molar volume of a solute is equal to the

apparent molar velume of the sclute at infini:  dilution.

Rearranging Equation (6-9) yields
V=neVv,+ n1V°1 (6-13)

Differentiation of Equation (6-13) with respect to n, then lsads to

- WV,
Vp=0V, + n2(aT9n1,T,P (6-14)
2

When the solution approaches infinite dilution, the second term on the right side
of Equation (6-14) approaches zero, and thus the apparent molar volume
apprcaches the partial molar volume, which gi es the same result as Equation
(6-12). Equation (6-14) can be used to obtain partiai molar volumes at finite
concentration for which the apparent molar volume is a function of

concentration. if the apparent molar volume is expressed as a numerical

function of n,, differentiation of the function leads to (doV. / dn,),. which.
combined with Equation (6-14), gives the partial molar volume.

The dilatometer was designed to obtain partial molar volumes based on

Equation (6-12) as described by Bottomley et al. 57

Apparatus

The dilatometer is illustrated in Figure7-1. It consists of a pyrex glass buib
with volume 68 cm3, fitted with a straight capillary tube 100 mm long with a 3 mm
internal diameter. A thin copper wire surrounds the capiilary tube haif way up as

a reference mark. The open end of the capillary tube can be closed with a loose



Nylon cap

meniscus (soluton)
A

reference mark

Z meniscus (pure solvent)
)

Figure 6-1. Diagram of dilatometer
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fitting Nyion cap.

The volume of the capillary tube was calibrated as foillows. The diiatometer
was loaded with a liquid of known density and then placed in a constant
temperature water bath. When temperature equilibrium had been achievad, the
distance of the meniscus reiative to the reference mark was determined with a
cathetometer. The mass of the liquid in the dilatometer was alsoc measured. A
small amount (known mass) of the same liquid was then added to the
dilatometer and the measurement process repeatad. The change in mass,
combined with the density, gives the <hange in vclume of liquid that
corresponds to the volume of capillary tube. The average cross-sectional area

of the capillary tube was obtained by dividing the volume change by the change

in meniscus height.

Measurement Procedure

The dilatometer was cleaned, dried and weighed. The solvent was
degassed with a vacuum pump for three to five minutes and was then injected
into the dilatometer with a 100 cm3 hypodermic syringe, until the solvent
meniscus was about 10 mm up the capillary tube. The dilatometer was then
ciosed with the Nylon stopper and placed in a constant temperature water bath
to allow for temperature equilibration. When the temperature of the liquid
achieved equilibrium the height of the meniscus relative to the reference mark

was measured with a cathetometer. The dilatometer was then removed from the

water bath, carefully dried and weighed.
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The gas was introduced into the dilatometer under hydrostatic pressure

slightly above atmospheric pressure hv connecting the top of the capillary tube
to a gas cylinder with Tygon tubing. The bulb was placed in ice-water that
contracted the solvent to produce a gas space of about 1 cm3. With gentle
rocking and shaking, the gas was graduaily dissoived into the liquid. After some
gas had dissolved into the solvent, the dilatometer was disconnected from the
Tygon tubing, closed with the stopper and replaced in the water bath. When the
temperature reached equilibrium, a new meniscus level and a new weight were
measured. The difference between the meniscus level of pure solvent and that
of solvent plus dissolved gas, in combination with the average cross-sectional
area of the capiliary tube, led to the volume change of the solution. The weigh!
difference of the dilatometer before and after dissolution of gas led to the mass
of the gas dissolved in the solverii. Division of this volume change by the
number of moies of gas led to the apparen: molar volume of the gas in the
solvent. As shown in Equaticn (6-5), the apparent molar volume can be
regarded as the \..:tial molar volume only when the solution approaches infinite
diiution. It was found that when the meniscus of the solvent changed from 20
mm to 40 mm (equivalent to change of volume from 0.16 cm® to 0.31 cm3) and
the gain in mass was from 0.2 to 0.5 gram, the apparent molar volume was

nearly independent of the amount of gas dissolved. This indicates that the

solution is dilute enough so that (a¢v2/an2)m,T,p is close to zero and the apparent

molar volume approaches the partial molar volume. Repeated measurements

were carried cut and an average value was obtained and reported.
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Resulis and Discussion

The apparent molar volumes for carbon dioxide (CO,), nydrogen sulfide

(H,S) and sulfur dioxide (SO,) in the physical solvents studied in Chapter 5
have been measured. All measuraments wers done at 25°C. Since the
soiutions are very dilute, the apparent molar volumes have been taken to be
equal to the partial moiar volumes. The values of partial molar volumes for the
acid gases in physical solvents are listed in Table 6-1.

Few data for partial molar volumes of acid gases in physical solvents have

been published Mather et al .Bthave measured the solubilities of CO, and H,S

in N-formy! morpholine and correlated their solubility data to obtain the three
parameters in the Krichevsky-llinskaya equation: the Henry's law constant,
partial molar volume and the Margules parametser. Their calculated results for

partial molar volumes are 35.55 and 35.07 cm3® mol! for CO, and H,S in

N-formyl morphgline, respectively, in good agreement with our values of 33.5
and 37.8 cm® mol'.

As was stated before, the partial molar volumes in combination with Henry's
law constants can be used in the Krichevsky-Kasarnovsky equation for
predicting the solubilities at higher pressures. Since we have both Henry's law
constants and partial molar volumes for acid gases in physical solvents we are
able to estimate solubilities at high pressure. First we apply the Krichevsky-

Kasarnovsky equation using our values of Henry's law constants and partial

molar volumes to estimate the solubilities (mole fractions) of CO, in propylene
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carbonate ard N-formyl morpholine at pressures for which solubility data in the

literature are available for comparison. Using the Krichevsky-Kasarnovsky

equation (Equation 6-1) values of f, / X, were first obtained. Values of f, at

different pressures were calculated by using Equation (6-7). Then, X, values at

different pressures were obtained. Some results of these calculations along

with the literature data are listed in Table 6-2.
From Table 6-2 it zan be seen that for CO, in propylene carbonate and

N-formyi morpholine at low to medium pressures the sclubilities calculated by
the Krichevsky-Kasarnovsky equation using our experimental values of Henry's
law constant and partial molar volume are in agreement with the measured
soiubility values. At higher pressures (high solubilities) the differences between
the values of measured and calculated are over the experimental uncertainties.

In the application of Krichevsky-Kasarnovsky equation, there are two

assumptions that the systems should obey. One of these is that the activity
coefficient of the solute does not change noticeably over the range of X, being

studied. The other assumption is that the infinitely dilute liquid solution must be
essentially incompressible. The second assumption can be approximately met
at temperatures far below the critical temperature of the solution. The first
assumption is true only for sparingly scluble gases or to moderate pressures
under which the solubilities are still small and the solutions dilute. For example,
the Krichevsky-Kasarnovsky equation represents the solubilities of hydrogen

and nitrogen in water to very high pressure (1000 bar).83 For systems with
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larger solubilities, the activity coefticients and parntial molar velumes of solutes in
liquids cannot be expected to be unchanged with X,. Therefore, the Krichevsky-

Kasarnovsky equation will not give correct results. Prausnitz et al.'! have used
the solubility data of Wiebe and Gaddy®® for nitrogen in liquid ammonia to
illustrate the limitation of the Krichevsky-Kasarnovsky equation. At 0°C the
solubility of nitrogen in ammonia is very small (only 2.2 mol % at 1000 bar) and
the Kriche\ ky-Kasarnovsky equation hold, accurately to 1000 bar. At 70°C the
solubility is larger (12.9 mol % at 1000 bar), and the Krichevsky-Kasarnovsky
equation holds only to 600 bar. In our CO,-physical solvent systems the
solubilities are reasonably large. The mole fractions of gas in solvent are over
0.1 at about 10 atm. Thus as pressure increases further, the solubility becomes
larger and activity coefficients as well as partial molar volumes are no longer
constant, at which point the Krichevsky-Kasarnovsky equation no longer applies
accurately. Therefore, the solubilities calculated from the Krichevsky-
Kasarnovsky equation are expected to deviate from the measured values at
higher pressures.

Data for the CO,-Selexol system were not reported in Table 6-2 because

CO_ has a much higher solubility in Selexol than in the two solvents mentioned

above and the Krichevsky-Kasarnovsky equation cannot be expected to hold.

For the same reascn, the Krichevsky-Kasarnovsky equation is not justified for

predicting solubilities of H,S and SO, in these solvents at high pressures.
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Table 6-1 Partial molar volumes (cm3 mol ') of acidic gases
irr physical solvents at 25°C

soivent CO, H,S SO,

Propylene Carbonate 42.2 40.4 43.7

Methyi Cyanoacetate 39.6 40.6 44 1

Selexol 42.2 38.5 39.8

N-Formyl Morpholine 33.5 37.8° 33.1

* The color of the solvent N-formyi momholine changed from nearly colorless to light green, to

dark green as hydrogen sulfide dissolved.
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Table 6-2 Predicted (Krichevsky-Kasarnovsky equation) soalubilities (x, mole

fractions) of CO, at higher pressures at 25°C

Pressure(atm) X2 pradicted X2,measured
N-formyl morpholine?

3.74 0.0518 0.0524

11.06 0.146 0.145

29.12 0.341 0.369

58.30 0.564 0.720
propylene carbonate®

2.951 0.0344 0.0359

6.370 0.0725 0.0770

11.20 0.1235 0.1341

16.11 0.1720 0.1878

a: X3 measured are from reference 81

D! X2 measured are from reference 79
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Chapter 7

Calibrating and Testing the C-80 Heat-Flow Calorimeter

Of several types of calorimeters, the Tian-Calvet heat-flow calorimeter has
shown more and more advantages and applications. The C-80 calorimeter
manutfactured by SETARAM of Lyon, France, is a typical Tian-Calvet type heat
flow calorimeter. This calorimeter has been designed for high pressure (up to
100 bar) and medium temperature (ambient to 300°C) measurements and for
applications in many scientific research fields.

The C-80 calorimeter is based on Tian-Calvet heat flow principles that have
been described in detail elsewhere.®'-%2 |n this chapter, we first briefly
summarize the basic Tian-Calvet theories of heat flow calorimetry. Then we
describe the construction and calibration of the calorimeter. Finally, we

summarize testing the calorimeter by measuring the heat capacities of synthatic

sapphire (a-Al,O,) over a wide temperature range.

Principles of Heat - Flow Calorimetry

Similar to many other types of calorimeters, the heat-flow calorimeter is
composed of an inner vessel, in which the thermal phenomenon under study is
created, and a surrounding medium (thermostat). However, in heat-flow

calorimetry a thermal fluxmeter surrounds the calorimetric vessel to detect the
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heat flow. The fluxmeter consists of thermopiles, which are connected in series
so that they thermally connect the vessel to the thermostat. When a thermal
phenomenon is produced in the calorimetric vessel, the thermal power flows
through the thermopiles to the thermostat. There are three situations to
consider:
(1). Constant and continuous power at constant temperature

When a constant thermal power, W, is produced in the vessel, energy is

transferred to the surrounding medium through the thermopiles (Figure 7-1).
Each thermopile delivers an elementary thermal power, W,, which is represented

by
W.=C.(8,-9) (7-1)

in which C;is the thermal conductivity of thermocoupie, 9, is the temperature of
the vessel and 8 is the temperature of the thermostat. in heat flow calorimetry

the difference between 6, and 6 is very small. This elementary power exchange

then produces an elementary emf, e,

8;=£;(8;-8) (7-2)

where g, is thermoelectric power of the thermocouple. Combination of Equations

(7-1) and (7-2) gives

€
ei=(7 Wi (7'3)
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Figure 7-1: lllustration of the principle of a heat-flux meter
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Since all thermocouples are connected in series, the total power transfered (W)

and the total emf produced (E) are

W_EW =nC,(6,-9,) =a(0,-6) (7-4)
=1

E= D e ,=ne (6-6,)=b® -0,) (7-5)
jm 1

Because all couples are identical, g, and C, for all couples are the same.

Therefore

o

E= W.=-(§;- = KW (7-6)

£
C n=1
or W = kE (7-7)
in which K and k are constants. Equations (7-68) and (7-7) indicate that the total

emf generated by the thermopiles is propotional to the heat flux (thermal power

exchanged).
(2). Variable heat flux at constant temperature.

In practice, measurements are usually carried out with variable thermal
power produced in the calorimetric vessels. Let us assume the thermal power

produced in the vessel at time t to be W and the temperature difference between

the cell and the thermostat to be 8. Part of the power transfers to the thermostat
through the flux meter and part of it still remains in the cell at time t. The power
exchanged through thermocouples is expressed by Equation (7-4). The

remaining part of W increases the temperature of cell. If we assume the

temperatu:«~ increase, de, through the cell during the time interval dt to be
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uniform, then the remaining power is equal to M (d9/4t) in which M is the heat
capacity of the cell. Therefore, the total thermal power at time t is reprasented as

W=w+Mdo/dt (7-8)
Combination of equations (7-4) and (7-8) yields Equation (7-9)

W =26 + Md8 /gt (7-9)

This equation is a fundamentai equation of heat-flow calorimetry and is called

the Tian equation.

The combination of equations {7-5) and {7-9) leads to

a M dE dE .
=E(E+Za—t-) =A(E+‘t-a't-) (7'10)

in which constants A and t are constants of calorimetry. "A" represents the static

calibration constant of the calorimeter; it depends only on the heat fluxmeter. t

represents the dynamic calibration constant and is called the calcrimeter time

constant since it has the dimension of time. 1 depencs upon both the fluxmeter
and the heat capacity of the cell.

The amount of heat generated by a thermal process during a time period
from t to t' can be obtained from the electrica! signal by integration of Equation

(7-10):
t’ t
Q; =A [Edt+ Aqf o€ (7-11)
t t

If the integration time limits t and t' are chosen such that the whole thermal

process is included, then the second term on right side of equation (7-11)



becomes zero, so that

Qpocess =A f Edt (7-12)

process

in which Q, . .ss represents the total heat developed by the thermai process

under study.

The term jEd’t is equal to the area under the curve of the recorded electrical
signal over the time interval (t' - t). The calibration constant, A, is obtained from
the integration of the electrical signa! produced from a calibration experiment.

(3j. Variable temperature of thermostat.

It the temperature of the calorimetric block, 8, changes due to the residual

instability of the regulator, or as a result of temperature programming, the

temperature of the vessel follows the change and move towards 8_. As a result

of this temperature variation, thermal power is transmitted through the fluxmeter,
which produces a disturbing electrical signal. To reduce this disturbing signal,
the calorimeter is fitted with a second vessel with identical ‘eatures which is
surrounded by a second fluxmeter connected in opposition to ihe first fluxmeter.

Therefore, disturbing signals due to temperature variation are essentially

cancelled.
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Apparatus

A block diagram of the C-80 heat-ficw calorimeter is shown in Figure 7-2.
Figure 7-3 offers a more detailed description of the C-80 calorimeter block, cells,
and heat fluxmeters.

The calorimeter shell is cylindrical and has a massive aiuminum biock in its
center, which is used as a calorimetric thermostat. Two identical cylindrical
cavities, symmetrically located from the center line, house the two calorimetric
celis (C1 and C2). The celis, identical in design, are machined to fit snugly into
the cavities in the aluminum block. One cell acts as a sample/measurement cell
and the other as a reference cell.

The cells used in heat capacity measurement are stainless-stee! cylinders
with threaded top caps. Each cell can be securely closed and sealed with an
aluminum "o" ring so that it is able to withstand moderately high pressures. The
volumes of the cells were determined using a standard densimetric approach in
which doubly distilled water at 25 °C was used as the calibration liquid.

3 and 6.1434 cmS for the

Velumes were calculated tc bs 6.0581 cm
measurement and reference cells respectively.
When placed in the calorimetric block, each cell is surrounded by a
thermopile (fluxmeter). The two fluxmeters are designed identically and are
connected in opposition to give a differential thermopile output. This
arrangement cancels interfering signal disturbar.ces caused by the presence of

residual temperature instability or temperature programming. The fluxmeters

thermally connect the two cells to the calorimetric block. Hence, any thermal
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—

Figure 7-3. A cross-sectional diagram of the C-80 calorimeter
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exchange between the cells and the calorimetric block leads the fluxmeter to
¢utput a proportional signal, which is channelled to a digital voitmeter.
Two platinum resistance probes are lecated within the calorimeter. They

are labelled PT1 and PT2in Figure 7-1.

Probe PT2 (we call it the controiling probe) is used to control the
temperature of the calorimetric biock. It has a resistance of approximately 200 Q
at 0 °C and is connected via a four wire arrangement to a tempsrature control
unit. A heater wrapped around the outside of the aluminum block, also
connected to the temperature controi unit, maintains the set experimental
temperature of the calorimeter in the range 30 to 300 °C.

Sensor PT1 (we call it the measuring probe) is used to obtain the
temperature of the cells within the calorimeter. 1t is located on the center line of
the apparatus between the measurement and the refersnce ceil. It has a
resistance of approximately 100 Q at 0 °C and was initiaily connected using a
four wire arrangement to a temperature safety unit (SETARAM TS1). This unit
converts the measured voltage and current across probe PT1 into a resistance
and thence to a temperature. i the temperature of the calorimeter were to
exceed the sat safety temperature, then power to the calorimeter heater would
be cut off automatically. From the safety unit the temperature signal is
channelled to a digital display unit supplied by SETARAM. Unfortunately the
temperature can only bse read to one decimal place with this unit, which is not
accurate enough for our purposes. Therefore, probe PT1 was reconnected,

using a four wire arrangement, to a Hewlett-Packard HP-3456A six figure
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The software necessary to control the operation of our calorimetric system
was written in-house, using Hewlett Packard BASIC. Our programs have been
designed to enable users unfamiiliar with the complexities of the C-80
calorimeter to obtain calorimsetric data in a routine fashion.

The computer is connected to a 312" dual disc drive unit (HP-9121), which
permits the storage of collected calorimetric data. Hard copies of resuilts are

obtained from an HP-82906A printer, supporied by an HP-7470A two pen
plotter.

Calibration of the Platinum Resistance Probe PT1

The relationship between resistance and temperature for device PT1 was
not supplied by SETARAM; hence it was necessary tc calibrate the device using
a standard resistance probe. A Rosemount 162N standard platinum resistance
probe, calibrated for the temperature range -189°C to 500°C on the International
Practical Temperature Scale of 1968 by the Physical Division of the National
Research Council of Canada, was utilized in this procecdurse.

The standard probe was secured in the center of one of the cavities and
connected via a four wire arrangement to the HP-3456A nanovoltmeter. A
computer program was written for the HP-86 computer to ramp the temperature
oi the calorimeter from 30°C to 100°C in 10°C intervais and from 100°C to
300°C in 25°C intervals. This program ensured that each new temperature was

h¢ ' ~cnstant for six hours. It then separately averaged the resistance readings
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taken from both the standard resistance probe and PT1 in the seventh hour,
before ramping to the next temperature.

The values of temperature were calculated from the resistance ¢ .ue
standard platinum probe, using the equation supplied with the Rosemount probe
by National Research Council of Canada. Table 7-1 lists the resistances of
probe PT1 and the corresponding temperatures. A graph that correlates the
temperature and resistance of the measuring probe PT1 is given in Figure 7-4.
The polynomial equation used to fit the data is

t=A+BR+CR?+DR3 (7-13)

in which t is temperature (°C), R is the resistance of probe PT1 (Q) and A, B, C,
and D are constants. The values of these constants obtained from the fit are
given in Table 7-2. The maximum deviation between the temperature calculated
by Equation (7-13) and that listed in Table 7-1 is less than 0.005°C, which is the

same as the quoted temperature stability of the temperature contro! system.
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Table 7-1 Calorimetric block temperature calibration (PT1)

t (set) R (PT1) t (calibration)
(°C) (€2) (°C)

35 113.575 34.932

50 119.235 49.545

60 123.045 59.408

70 125.834 69.256

80 130.629 79.149

80 134.408 89.029

100 138.176 98.906

125 147.512 123.518

150 156.833 148.279

175 166.036 172.902

200 175.198 197.609

225 184.260 222.233

250 193.284 246.233

275 202.219 271.598

295 209.301 291.281




141

Table 7-2 Constants for Equation (7-13)
Counstants Value Unit
A -245.908 °C
B 2.37962 °C Q1
C 7.32375x10°4 °C Q2
D 7.68533x1077 °C Q3
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Figure 7-4. A graph showing the calibration of calorimetric block temperature:
the points were measured with a standard platinum probe and the

solid line was the resuit calculated from Equation (7-13)
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Sensitivity Calibration
The differential thermopile output (emf signal) from the fluxmeter can be
converted into a calorimetric signal, CS (in mW), using the equation
CS(mW)=SxDx0.1xL" (7-14)
in which S is the amplified tiuxmeter signal re’ ding on the digital voltmeter

(DVM); D is the amplification range setting on the amplifier (unit A10); L is the

sensitivity in units of uyV/mW and 0.1 is a unit conversi 'n factor.

Equation (7-14) indicates that the sensitivity values at different temperatures
are prerequisites to obtaining useful calorimetric signals. The sensitivity L is
actually a calibration constant which converts the electrical signal to thermal
power. Calibration can be achieved by utilizing a standard reaction that is
similar to the one under investigation and carried out in the same experimental
conditions. In pr2- <, however, it is rare to obtain suitable standard rezctions.
Therefore, calibration is most commonly ~~formed electrically. SETARAM
nrovides two Joule effect calibration ceii: and a calibration unit (including
constant power supply and time counter) for this purpose. This arrangement
was used to obtain a sensitivity calibration curve for our calorimeter.

The two calibration cells are identical in design. Each cell comprises two
hollow concentric stainless steel cylinders between which a 10002 resistance is
embedded. During the calibration, one celi is connected to the calibration unit
using a Joule Effect Cable. (The choice of cell is arbitrary. However, we have

custormarily chosen cavity C1 as the experimental chamber. Therefore, the
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calibration cell placed in cavity C1 is connected to the power supply). The
underlying principle of the Joule effect calibration procedure is to supply a
constant power to the calibration resistance heater for a known period of time. In
our calibrations the calorimeter was allowed to reach thermal equilibrium at the
temperature of interest for approximately six hours before starting a calibration
experiment. On obtaining a suitable baseline, the Joule Effect Calibration
Procedure was initiated by pressing the "impulsion start" button on the EJ2 unit.
A constant power, manually set on the unit, was then automatically supplied to
the resistance heater of the calibration cell. Power settings available are 0.1, 1,
10 and 100 mW. In our calitrations, we used a power setting of 10 mW. The
power supply setting of 10 mW was examined by measuring the voltage and
current and found to be 9.996 mW. After initiation of the experiment, the
differential fluxmeter signal increased and eventually leveled off with time. After
a pre-programmed time interval, power to the caiibration cell was terminated
and the fluxmeter signal returned to the baseline. The signal and time data were
downloacdied to a floppy-disk and plotted by the computer. A typical signal for the
calibration procedure is shown as Figure 7-5.

The sensitivity (or calibration consiant) of the calorimeter a: the temperature
of interest can be calcuiated from ihe results of the calitration experiment in
either of twc ways :

(1) Find the difference in fluxmeter signal beiwsen ihie baseline (before power

was supplied to “he :alibration cell) and the equilibriurn level (leve! of signal

after power was suppiiad to the calibraticn cell). Division of this quantity (in pv)
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by the power (mW) supplied to the calibration cell gives the sensitivity (L). A

summary of this procedure is offered by Equation (7-15)

L{uv/mW)=(82-Si)x0.1xD]/p (7-15)
in which p is the power supplied to the cell (9.996 mW), S2 and S1 are defined
in Figure 7-5, and the other symbols have been defined earlier.

(2) Since all of the heat produced by the electrical power is eventually
transferred through the fluxmeter to the calorimetric block, the sensitivity can be

caiculated by an alternative integration method. In this method, the area under

the calibration curve is found by integration. Division of this value (uv.s) by the

total energy (mJ) supplied to the calibration ceil leads to the sensitivity. The

sensitivity calculated using this method once again has units of pv/mw. This

approach is summarized by the equation

)
Sx01xD
L= .[ pAt dt (7-16)

f1
in which t, and t, are the re: >rded times for run initiation and termination
respectively and At is time duration for which power is supplied.
The second method of calculaticn was used in our computsar program.
Calibration experiments were conducted at 10°C intervals in the range 30°C to

100°C and at 25°C intervals in the range 1G0°C to 300°C. The sensitivities of

our calorimeter at different temperatures are reported in Table 7-3. The
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Figure 7-5. Joule effect calibration signal for the C-80 calorimeter
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sensitivities reported are the average values of at least two separate isothermal
determinations. The precisions of the sensitivities are better than +0.1% over
the temr-.:. re range studied. A plot of the calculated sensitivities of our
calorim..  system as a function of temperature is included as Figure 7-6. This
calibration curve can be seen to differ only very slightly from the general
calibration curve supplied by SETARAM.

Equation (7-17) was fitted to our sensitivity/temperature data using the

method of least squares:
2 3 4
L=ao+a1t+a2t +a,t +a,t (7-17)
where t is the temperature (°C) and a, to a, are constants. Estimates for thesa

constants are contained in Tabie 7-4. The standard deviation of fit was

calculated to be 0.005 pVvV/mw.
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Table 7-3 Sensitivities of C-80 calorimeter
T (°C) L (uv/mW) L (SETARAM)
29.939 30.780 30.807
39.769 30.669 30.689
44.687 30.592 30.621
49.606 30.531 30.548
53.448 30.360 30.386
£3.296 30.17¢ 30.204
79.14S 28.970 30.003
89.007 29.752 29.783
98.869 29.501 29.547
123.537 23.835 28.888
148.261 28.093 28.144
172.889 27.278 27.338
197.820 26.414 26.477
222.250 25.518 25.585
247.051 24.590 21.668
271.614 23.650 23.754

281.322 22.892 23.027




Table 7-4  Sensitivity calibration equation constants
Constant Estimate
a, 30.974
a, -1.9190x103
a, -1.5865x10™
a,g 3.0525x10°7

-2.2294x10°10

- 3

In
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Figure 7-6. Sensitivity curve for the C-80 calorimeter: solid line is calculated

from Equation (7-17), individual points are experimental data
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Heat Capacity Measurement

The C-80 microcalorimeter is capable of measuring heat capacities in the
temperature range from ambient to 300°C. in addition, the instrument can be
modified to measure heat capacities as a function of prassure up to 100
atmospheres. The experimenis described in this section ware conducted using
closed cells; hence the only pressures applied 1o the systems nvestigated were
atmospheric pressure and the saturated vapor pressures of the samples under
study.

For heat capacity measurements the sample under investigation was
placed in the measurement celi, which in turn was placed in the measurement
chamber (C1) of the calorimeter. The cell placed in the reference chamber of
the calorimeter remained empty. Both celis were aliowed to come to thermal
equilibrium over a period of 4-6 hours at the temperature of interest. The
temperature was then autcmatically ramped, at a precisely known rate, to a
temperature approximately 2°C higher than the initial set temperature. During
this time the calorimetric signal increases as a function of time. On attainment of
the higher set temperature the calorimeter automatically reverted to isothermal
mode, causing the calorimetric signal to return to the baseline. Prior to a
measurement run it was necessary to conduct a reference run. The same two
cells, both empty, were used in this procedure. The reference experiment was
designed to duplicate the experimental conditions used in the measurement run.

The purpose of a reference run ..as to correct for the very slight asymmetry
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found between the reference cell and the measurement cell and also between

fluxmeters.

The calorimetric signal of the sample under study can be obtained from
these data by subtracting the reference signal from the measurement signal.
The heat capacity of the sample under study can be calculated from the resulting

signal by utilizing the following procedures.
By definition the heat capacity at constant pressure, C, is defined by
Equation (7-18).
C,=(9H/aT), (7-18)
Integration of Equation (7-18) gives

C,=Q/AT (7-19)
in which AT represents the temperature difference between initial temperature T,

and final temperature T,. Q is the total heat absorbed by the sample during the

temperature ramping procedure, which is obtained by the integration of

calorimetric signal using
L

a=[(cs,-cs) (7-20)
t,

Here t, is the time of run initiation and t, is the time of run termination. CS,_ and

CS, are the calorimetric signals obtained from the measurement and the

reference runs respectively. Therefore, the specific heat capacity of the sample

is calculated by
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Y
[es,-cs)a
A4
Col 8K =y (7-21)

in which W is the mass of the sample in the calorimatric cell.

We have developed a computer program to apply the above method. The
program was written to initiate and terminate the temperature ramping
procedure and to collect and then store the calorimetric signal and temperature
data. At the end of a run the program allows for numerical integration of the
signal peak over the appropriate time interval to yield a value of the specific heat
capacity of the sample under study using Equation 7-21.

The heat capacity calculated using this method is an average heat capacity

over the temperature range T, to T..

Testing on Heat Capacities of Synthetic Sapphire (—Al,0,)

Synthetic sapphire (a-Al;04) has been recommended and used by many

investigators as a standard reference material for the calibration and testing of
calorimetric systems.93-97 The enthalpies and heat capacities of sapphire over a
large temperature range have been studied.96-99

The procedure for heat capacity measurement has been summarized
earlier. In the computer program used for heat capacity measurement, we used
our calibrated temperatures and our measured sensitivities. The heat capacity

measurements were conducted over the temperature range 320 K to 450 K at
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intervals of 1G X and in the range 470 K to 550 K at intervals of 20 K. About 2

grams of sapphire was used in each run, using temperature ramp rate of 2 K h!.

Sapphire was provided by Johnson Matthey. The purity of this a-Al,O, was
99.998%. The resuiting heat capacities of sapphire are presented in Tabie 7-5.
Ditmars et al.%’ have published smoothed heat capacity values from 10 K to
2250 K at intervais of 10 K. They also presented a summarizing equation for the
heat capacity values. We have used this equation to caiculate the heat
capacities at the same temperatures as our experimental temperatures. The

values z-e also shown in Table 7-5.

in 1953, Ginningsand Furukawa®® reported heat capacity values of five

recommended heat capacity standards, one of which was a-aluminum oxide.

They reported the values of heat capacity of a-Al,O, from 14 to 1173 K,

measured by precision adiabatic calorimetry. Mraw and Naas®® measured heat

capacities of a-Al,O5 from 100 to 800 K using a differential scanning calorimeter
(DSC). They reported their data for 10 K intervals. More recently, Inaba®® used
an adiabatic calorimeter to measure the heat capacities of sapphire in the
temperature range 70 to 700 K. To compare our data with these literature data,
we plotted the heat capacities agair.si temperatures for our values and literature
values in the same graphs, as shown in Figures 7-7a to 7-7d.

A fourth-degree polynomial equation has been fitted to our heat capacity

data for a-Al,O4 usir:: the method of least-squares. The resulting equation is
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Table 7-5 Heat capacities of synthetic sapphire (-Al,O4)
T (K) Cp (JKTmol') Cp (J K1 mol1)a
(this work) (literature data)

318.73 82.60 83.25
330.54 85.49 85.50
340.41 87.34 87.22

87.18

87.43

87.72
350.29 88.47 88.89
36Nn.14 89.79 90.47
370.02 91.00 91.97
390.74 95.13 94.89
400.66 95.70 96.17
410.45 97.15 97.38
420.33 98.07 98.55
430.26 99.49 99.65
440.09 101.58 100.70
449.95 101.91 101.70
470.57 103.25 103.66
490.42 104.87 105.36
510.16 105.81 106.91
529.93 108.90 108.34
550.71 109.43 109.72

a: calculated from the smoothing equatic..1 in reference 97
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represented by

C,/J K'mol =74.084 - 0.45498T + 2.8927x10°3T2 - 5.3959x10°6T3
+3.3712x10°T4 (7-22)

To 3ssess the accuracy of the calorimeter, deviations from equation (7-22) of our
data and the literature data have been plotted in Figure 7-8. Table 7-5 and
Figures 7-7 t07-8 have shown that the heat capacities of sapphire measured
with our C-80 calorimeter are in good agreement with those measured with an
adiabatic calorimeter. However, from Figures 7-7-a and 7-8 it is seen that the
differences between our results and Mraw and Naas' results at some
temperatures are as high as 2.5%. The disagreement is due mostly to this
inaccuracy of the DSC calorimeter. Previous experience has shown that the
heat capacity measurement results obtained from adiabatic calorimeters should
be regarded as the "best” results. Therefore the accuracy of our calorimeter is
determined by the comparison of our results to those from adiabatic calorimeter,
which leads to the conclusion that the accuracy of our data is almost 1% in the
temperature rance from ambient to 550 K. To test the precisicn of the
calorimeter, we repeated the heat capacity measurement at 340.4K four times.
Each run was done separately over a period of several days. The results
shown in Table 7-5 indicate that the standard deviation for heat capacities at this

temperature is less than 0.5 %.
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Figure 7-7-a. Heat capacities of a-Al,O, in the temperature range 300 K to 550

K. measured with the C-80 calorimeter in comparison with the

data of Mraw and Naas
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Chapter 8

Heat Capacities of Saturated Water and Deuterium Oxide

Introduction

Measurements of heat capacities of water and dauterium oxide were made
for two reasons. First, we recognized the need for accurate heat capacity data
for water and deuterium oxide, especially at temperatures above 100°C. The
other purpose is to test the accuracy of the C-80 calorimeter for heat capacity
measurements of liquids at temperatures above the normal boiling points.

The importance of the heat capacity of watei is straightforward. As a
chemical, water is the most important solvent. As a heat-transfer medium, water
plays principal role in many units for heating and cogcling industrial processes.
Water and steam can also be used as a power producing medium to drive
turbines in the electric power industry. In -addition, water has been
recommended by the National Bureau cof Standards (now, the National Institute

of Standards and Technology) as one of the standard materials for calibration or

testing calorimeters.
The study of the properties of heavy water (D,O) is of great interest in the
study of isotopic effects on the properties of water. Heavy water has been widely

applied in nuclear reactors as a moderator; hence an accurate knowledge of the

thermodynamic properties of heavy water is necessary for designing heavy

water nuclear reactors.
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Heat Capacities of Saturated Two Phase System
In general, heat capacities depend on the conditions of measurement. The

two kinds of neat capacity that are most common are the heat capacity at
constant pressure, C,. and the heat capacity at constant volume, C,. However,
the heat capacities of liquid we have measured with C-80 calorimeter are for
closed cell systems so that we have obtained neither C, nor C,. In a closed cell

system both the volume of the liquid and the pressure over the liquid (vapor
pressure) are functions of temperature. Hence the heat capacities we measured

are the heat capacities of a two-phase system (i.e., the liquid plus its saturated
vapor) that we identify by the symbei C;; in which the subscript "lII" indicates

equilibrium two phase system. This heat capacity includes the heat capacity of

liquid, hieat capacity of vapor, and a contribution from the heat of vaporization.

C, is not the same as the heat capacity of the saturated liquid at the saturation

pressure, which we will denote by Cg,. It is this latter heat capacity that is

needed for several purposes. Therefore, we have made the appropriate

thermodynamic derivation to obtain an equation that aliows us to calculate the

heat capacity of saturated liquid Cg; from the measured two-phase heat cap:icity
C,; This cerivation is presented in Appendix A.

The water (H,0) used was double distilled and degassed. The sample of

deuterium oxide was provided by Aldrich Chemical Company, inc. with the

minimum purity of deuterium of 99.996 atom %. The saturation heat capacities,
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C, of water and deuterium oxide were measured with C-80 calorimeter over the
temperature range 40 to 2785°C, using the procedure described earlier.

About 4.5 grams of liquid sample was placed in the experimental cell,
initially at room temperature. The liquid sample occupied 80 to 90% of the
volume of the cell, which left enough space for liquid expansion at higher
temperatures. The cell was sealed by an aluminum "Q" ring and tightened to
prevent leaking of vapor and to withstand high pressure (at 275°C the vapor

pressure of water is clocse to 60 atm.). Using the same procedure as for the

a-Al,™ system, we obte “ed the heat capacities of the two phase system C,, for

water and deuterium oxide, which are preseried in Tatle 8-1 and Figure 8-1.
Ginnings and Furukawa®® have published their very accurate values of

saturation heat capacities of v....er in tne temperature range of 0 o 100°C. We

includeri their data in Figure 8-1 to compare with our data. Again the accuracy

of nur daiz is seen 1o be within 1% of the best avaiiabie ezrlier results.

Eucken and Eigen'®! studied the specific heat ¢i D,0O between 20 and
130°C, using an adiabatic calorimeter. We also include their daia in Figure 8-1.
Our heat canacities of D,O are in good agreemsnt (better than 0.5%) with
Eucken and Eigen's data. Both sets of data show the same trend with
temperatures. At lower temperatures the heat capacity of D,O decreases with

increasing temperature and reaches a minimum near 100°C.



Heat Capacities of Saturated Liqu’d

As mentioned earlier, the heat capacity of a liquid directly measured with a
closed cell is the heat capacty for both the liquid and its saturated vapor, and
also includes a contributicn from -nihalpy of vaporization. At temperatures
lower than the normal boiling point of the liquid under study, since the vapor
pressure of the system is relatively small, Cg is very nearly equal to C,. But as
the temperature of the system increases to temperatures beyond the normai
boiling point of the sample, the heat capacity of saturated vapor and the heat of
vaporizat'~~ maxe oo.ributions to the total measured h=at capacity of the

A

system sg - .7 ~ . The heat capacity of the saturated liquid, Cg.. can be

calculated from the measured quantity C, as outline below.

Osborne and van Dusen'®? wers the first to give a full thermcdynamic

analysis of the heat capacity of a two phase system. Later, Hoge'93 offered a

more concise derivation of the relationship between measured C, and desired
Csi- More recently, Steeie et al.’® have done similar work dealing with C, and
Cg.- We have adopted the basic ideas o! “loge and deriveu an equation that

relates Cg, to Cy, as shown by Equation (8-1):

P 9V Tadv, d% VT
Cor=Cy+ (D 1T () - 1S « (i:;; VT (®-1)

The detailed derivation is presented in the attached Appendix A. In Equation
(8-1) P represents the saturated vapor pressure of the liquid at temperature T, Vi

represents the specific volume of the saturated liquid, V is the volume of the
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Table 8-1 Saturation two phase heat capacities (J K'' mol™' ) of H,O and D,

T (°C) C,-H,C Gy, -D,0
39.65 74.42 83.66
49.54 74.73

49.89 83.27
59.37 75.04 °Z.30
70.27 75.15 83.G5
80.16 74.83 82.87
50.04 75.37 82.41
39.91 75.60 82.46
125.51 76.94 83.37
150.18 78.08 84.41
174.88 79.47 85.83
200.60 81.43 87.73
225.24 83.95 88.47
249.90 85.27 < ..8c
274.60 91.45 95.98

Molecular Weight for HoO: 18.0153; for D20O: 20.026 g mol™!

Mass of water or Deuterium uxide: 4 - 4.5 grams
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experimental cell and M is the total mass of the liquid plus vapor.

For water and deuterium oxide, the saturated vapor pressures and specific
volumes of the saturated liquid over wide temperature ranges'®5-107 are
available, which make it possible for us to apply Equation (8-1) to calculate the
heat capacities of saturated liquid.

We have fitted polynomial equations to the satt.'..ied vapor pressure and
specific volume:. These equations have been differentiated to give the

quantities dp/dT. d?p/dT2 and dV,/dT that are required in Equation (8-1).

Ancther quantity appearing in Equation (8-1), the expansibilitv of the calorimetric
cell, dV/dT, was obtained by using Equation (8-2) as derived in Appendix A:
JVv ]2

=3V e[1+e(T-T)

dT (8-2)

in this equation V is the volume of the experimental cell at room temperature T,

and e is the linear expansion coefficient of the material of the calorimetric cell.
When these quantities were calculated, the heat capacities of saturated liquid for
water and deuterium oxide at different temperatures were obtained from the
measured saturation heat capacities using Equation (8-1). These values are

presented in Table 8-2.
Comparison of the val * Cyand Cg in Tables 8-1 and 8-2 shows that
the difference between C, and Cq, increases with increasing temperature. For

example, at 40°C the difference between C,; and Cg, is less than 0.1%, while at

200°C. the difference is 1%.



169

Heat Capacities of Liquid at Constant Saturation Pressures
The constant pressure heat capacity Cp under saturated vapor pressure P
can also be calcuiated from the heat capacity of saturated liquid, Cg,. The

relation between C_ and Cg, is

ov, dP

L s .
Co=Co-Nz7h 57 (8-3)
The detailed der:. ation of Equation (8-3) is given in Appendix B. We have used

Equation (8-3) for calculating the values of Cp at ditferent temperatures that are

presented in Table 8-2. Again, the difference between Cg and C, increases
with increasing of temperature. At temperatures below normal bailing point the

differences between Cp and Cg; are negligibly smali. The cumparison of our

calculated C, data with the literature data from the "NBS/NRC Steam Tables" is
also given in Table 8-2. This comparison shows that the differences between

our calculated Cp data and the literature data are less than 1.5 %.

C, under any other constant pressures can be obtained by using the

thermodynamic equation
acp) T(az'v,)
(=T (8-4)
UMY
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Table 8-2 Saturated liquid heat capacities and heat capacities of
liquid at constant saturation pressures (J K'' mol-! ) for
water and deuterium oxide
T (°0) Cg-H,O C,-H,O C,-HO " Cg-D,0 C,-D,0
39.65 74.35 74.35 75.348 83.59 83.59
49.54 74.65 74.65 75.334 83.18 83.18
59.37 74.96 74.96 75.352 83.38 83.38
70.27 75.01 75.0° 75.431 82.88 82.89
£€0.16 74.71 74.72 75.562 82.65 82.66
90.04 75.15 75.16 75.744 82.12 82.13
99.91 75.31 75.33 75.969 82.0S 82.11
125.51 76.44 76.49 76.723 82.75 82.80
150.18 77.30 77.41 77.689 83.48 83.60
174.88 78 50 78.72 83.584 84.59 84.81
200.€0 .34 80.78 80.924 86.24 86.69
225.24 82.04 83.65 83.586 87.51 88.38
249 88 84.62 86 .11 87.472 90.78 92.40
274.60 91.95 94.59 93.396 96.30 98.32

*. The literature data were suppiied to us by Dr. R. M. Goldberg from the equation
inthe "NBS/NRC Steam Tables".



Chajptier 9
Calorimetric Investigations on Thermodynamics of

Calcium Nitrate Tetra. -ate Ca(NO;),-4H,0

Introducticn

Investigation of molten salt hydrates has two fundamental considerations.
In the first place, molten salt hydrates can function as a link batween dilute
agueous electrolyte solutions and fused salts. Because the molten salt hydrates
are very concentrated aqueous soiutions, studies of the molten salt hvdraies wili
certainly provide useful information to theorists for understanding electrolyte
solution chemistry. Dilute solutions have been extensively studied and theories
nave baeen successfully established. Concentrated solutions are riow
stimulating more and more investigators' interests, and are becoming a new
branch of solution chermistry. Since molten sait yuTates are perhaps the most
concentrated electrolyte solutions obtzinabie by ordinary laboratery techniques,
they are attracting primary attention.

The second reason for studying rnoiten hydrate salts is due to potentially
important applicat.ons. Hydrated salts have been used as a substance for the
storage of solar energy, making use of the solid-liguid phase transition. Needed
information about hydrated salts to be used for energy storage includes melting
or crystallizing temperature, specific heats of solid and liquid, enthalpy of meling
or eolution, thermai uonductivity ‘iscosity of the liguid, and volume change upor

melting.
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In the present work, the thermodynamic properties of one of the most
commonly used hydrate salts, calcium nitrate tetrahydrate, Ca(NO,),-4H,0, are

investigated. The selection of calcium nitrate tetrahydrate as our substance to

be investigated is based on its useful f.w muiing temperature and its ready

availability. In this chapter, we repi” . . mental resuils for heat capacities of
crystalline (before melting) and liquid ; .- aelting) calcium nitrate tetrahydrate,
partial molar heat capacities of Ca{ . , and water in concentrated aqueous

calcium nitrate solution, melting tempeature, and melting enthalpy.

Heat Capacities
Analytical reagent calcium nitrate tetrahydrate Ca(NO;),-4H,0 was
obtained from Fisher Scientific Company, and was used in the experiments
without further purification. The solid Ca(NO;),-4H,0 (crystal) was ground to

40-140 mesh prior to filling the calorimetric cell. The sampies (either original or

ground) were stored in very careiully sealed bottles to avoid any possible

change of water content.

The water contert of the hydrate was determined by vacuum dehydration at
150°C to constant weight, which led to the ratio of molgs of H,O to moles of
Ca(NG,;), equal to 4.02.

Heat capacity measurements were performed using the same procedure as
discussed in Chapter 7. Heat capacities of crystalline Ca(NGC,;),-4H,0 were

measured over the temperature range 32-4i°C (the melting point of



173

Ca(NO,),-4H,0 is about 42.7°C'°8). The heat capacities for liquid
Ca(NG,),-4H,0 were measured over the temperature range between 45 to 80°C
and for supercooled liquid Ca(NQ3),-4H,0 were measured from 33 to 42°C.

The vaiues of molar heat capacities for crystalline and tiquid Ca(NO,),-4H,0 are
presented in Table 8-1. The heat capacities are plotted against temperatures as
shown in Figure 9-1. Figure 9-1 shows that the heat capacity of the crystal
increases slightly with increasing temperature. However, the heat capacity of
the liquid in the temperature range from the melting point to 80°C is almost
independent of temperature. In preliminary experiments we noted the
occurrence of supercooling and therefore made scme heat capacity
measurements on the supercooled liquid molten hydrate, with results aiso
presented in Tabie 9-1 and Figure 9-1. The heat capacities of the supercooled
liquid appear to be the samse as the heat capacities of the stable liquid at higher

temperatures. The standard deviation of the Cp for moiten hydrate is within the

uncertainty ot the experiments (the uncertainty for heat capacity measurement is

1% as determined in Chapters 7 and 8). Therefore, we tak:: the average value

of C, as the value of C, for liquid Ca(NG;), 4H,0O over the temperature range

studied.

The supercooling of molten Ca(NO,),-4H,0 was noted by Moynihan'98 20

years ago. When he performed the experiments on conductivity, viscosity and
density of molten calcium nitrate tetrahycdrate, he noted the ready formation of

supercooled liquid beiow its equilibrium freezing temperature. He has shown
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that the properties of the liquid change in a regular and continuous fashion as it
passes into the metastable superceoled region.

Angell and Tucker'%® have used a DSC calorimeter to measure the heat
capacity of Ca(N03)2-4H20. They measured heat capacities of the crystal at

temperatures lower than 300 K. Their results show that the heat capacity of the
crystal increases slightly with temperature, which agrees with our sxperimentai

results at higher temperatures. Their results on the heat capacity of liquid
Ca(NO;), 4H,0 show a very slight increase with temperature: Cp= 126.0 cal K’

mol"" at 300 K and 126.4 cal K-' mol"! at 380 K: an increase of only 0.3% over a

temperature range of 86 K. However, they reported that the uncertainty of their

DSC calorimeter for Cp measurement was t4%, which is greater than the 0.3%

change with increasing temperature. Therefore, the change of C, with
temperature was within ths limit of experimental uncertainty, which also agrees
with our results (the standard deviation of our Cp is 0.7% as shown in Table 9-1,
which is also less than the experimental uncertainty of 1%). Their heat capacity
data on liguid Ca(N03)2-4H20 are about 4% higher than our values.
Considering the uncertainties of the two calorimeters (4% and 1%, respectively),
the vaiues of Cp are in reasonable agreement.

To develop a suitable model for interpreting the behavior of molten hydrate
salts, investigators have studied the similarities of fused anhydrous salt and
moiten salt hydrates. Angell’'0 has correlated the electrical conductance of

hydrate melts witih that in water-free moiten salt systems. He has also found that
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the hydrate melts show the ability to dissolve large amounts of other salts of a
fairly similar nature, which is similar to most fused anhydrous salts. Braunstein
et al .''1-115 have studied the association equilibria in hydrate melts and in
molten anhydrous saits, throughn which they have developed a modell'S to

describe the hydration anc association equilibria in hydrated salts.'1?
To investigate the similarity of thermodynamic properties of anhydrous

moiten salts and molten hydrates, we compare our heat capacity graph (Figure
9-1) with a graph of the heat capacities of crystalline and liquid ZnCl, as a

function of temperature,!'® which is shown in Figure 9-2 and is discussed in

more detail later. rigures S-1 and 9-2 indicate that the variation of heat
capacities of crystal and liquid with temperature for Ca(NO;),-4H,0 and ZnCl, is
similar. The heat capacity of liquid ZnCl, is nearly temperature independent
over a wide temperature range, while the Cp of the crystalline ZnCl, shows a
slight increase with increasing temperature. The supercooled liquid of ZnCl,
has alsc nearly the same heat capacity as the stable liquid salt. For both
Ca(NO;),-4H,0 and ZnCi,, the heat capacity of the liquid phase is larger than

that of the the crystalline phase. Woe also note that in both graphs there is a

heat capacity discontinuity (sudden jump) at the temperature of the phase
change (melting). In the graph for ZnCl,, the heat capacity of the supercooled
liquid shows another discontinuity at a temperature labelled T,. This low

transition temperature is correspending to another phase change (glass

forming), which is u.scussed later.



Table 9-1 Heat capacities of crystalline and liquid Ca(NG,),4H,0

Crystal Liquid
T (°C) C, (J K mol) T (°C) C, (J KT moi)
33.70 337 78.20 503
34.74 340 68.26 502
36.68 343 58.42 499
38.70 351 49.54 4388
39.61 344 45.58 496
40.65 349 *41.64 504
*40.65 504
*38.67 503
"34.71 508
*33.68 505
Ave. 502+3.6

Formula weight of Ca(NOg)5-4H,0: 236.15 g mo!-1

"1 supercooled liquid



600
f Supercooled liquid liquid
c
E
v ®
¥ 500 - o o L o . ® °
2
>
[
]
s 4
Q
(&
@
£
. 400 ~
s
(=]
=

: a
@B EP
crystal
300 v — e e —T .
300 31¢C 320 330 340 350

Figure 9-1 Heat capacities of crystalline and liquid Ca(NO,),- 4H,0 as a

Temperature (K)

function of temperature

360

177



Figure 9-2 Heat capacities of crystaliine and liquid ZnCl, as a function of

temperature (obtained from the data in references 131 and 116)
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Composition Dependence of Heat Capacity: Partial Molar Heat

Capacities of Ca(NO,), in Concentrated Aqueous Solution

The behavior of water in molten salt has received more and more attention
in recent years. For example, Claes and Glibert''7 have investigated
concentration dependence of moiar volumes, conductivities and viscosities of
molten salts and concentrated salt solutions. Combes''8 studied the solubilities
of water in molten salts and discussed the consequences of the presence of
water in high temperature molten saits. Lovering and Oblath''® have prusented
a paper dealing with the effects of water on electrode processes and
electrochemistry of water in molten salts. Recently, Emons and his coworkers
have published a series of paper on the subject of molten salt hydrates.'20-121

They have reported the concentration dependence of enthalpy of svaporaticn ¢t

water and partial molar enthalpy of dilution for the system MgCl,+H,0. They

also obtained values of water activities for mixtures of KCI + MgCl, + H,O.

To study the thermodynamics of very concentrated aqueous electrolyte
solutions, we have measured the heat capacities of aqueous Ca(NQO;), solutions
over the composition range from 3 mole kg™! to 13.88 mole kg™! at three different
temperatures and calculated partial molar heat capacities for Ca(NO,), and
water.

The solutions were obtained by adding known amounts of distilled water to

known amounts of calcium nitrate tetrahydrate. To caiculate the molality of the
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solute salt Ca(NO,),, the crystalline water in the hydrate was regarded as a part
of solvent water. The tota! mass of water was obtained by adding the mass of
diluent water to the mass of crystalline water. The solution obtained can be

represented by

1 mol of Ca(NOgz)2-4H,0 + n mo! water = Solution of 1 mol Ca(NOg)o + (n + 4) mol water

Therefore the molality of the solution was [1000 / (n+4)18.02 mol kg™ "].

The quantity obtained most directly from calorimetric measurement is the
specific heat capacity (J K g'). The specific heat capacities of the Ca(NO,),

solutions at different molalities and temperatures are presented in Table 9-2.
The resuits indicate that the specific heat capacities of solutions are a function of
the molality. But the specific heat capacities are almost independent of
temperature in the temperature range under study. Therefore {urther
measurements at lower molalities were performed at only one temperature

(331.6 K).

The partial molar heat capacity of Ca(NO,), is defined by

— an |
sz=( an, )m.T-p (8-1)

Equation (9-1) shows that to obtain the partial molar heat capacity Cp,» the heat
capacity of solution Cpg, should be expressed as the heat capacity at constant
amount of solvent, n,. We now choose to express Cp,, as that for 1000 gram of
water (i.e., n;= 55.5 mol) with m mole solute (mol kg*'). Then Equation (9-1)

hacomes
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Table 9-2 Specific heat capacities of Ca(NC;), solution at different

concentrations (mol kg'') and temperatures (K)

C,(WK'g")
Moilality
(mol kg'") T=3227K T=331.6K T=341.4K
13.88 2.11 2.10 2.13
12.77 2.16 2.15 217
11.89 2.20 2.20 2.19
10.93 2.23 2.23 2.23
10.87 - 2.25 2.24
9.428 - 2.34 -
8.447 - 2.41 -
5.685 - 2.70 -
4.828 - 2.81 -

2.983 - 3.74 -
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oC

— Py

sz= (—55-)”, (9-2)

Cpsol Can be calculated from the specific heat capacity of the solution C, at the

given molality by
C =Cp(1000+mM2) (8-3)

Po

in which m is the moiality of the solute Ca(NO3),, and M, is the molar weight of
Ca(NOj),. The values for heat capacity of solution Cp,,, have been calculated
from Equation (9-3) and are presented in Table (9-3). To obtain (6Cpgo/om); we
have fitted a polynomial equation to the experimental data of Cpso and m at

331.6 K and obtained
Cpsor (J K1) = 4117.8 + 186.70m + 0.6856m?2 -+0.0179m?3 (9-4)
The partial molar heat capacity of Ca(NO,), is obtained by differentiatior of

Equation (9-4) with respect to m, leading to

c, K 'mol™) =186.70 +1.3712 m + 0.0537 m° (9-5)

The relation between the heat capacity of a solution Cpso; and the partial

molar heat capacities of the components (Cpy,o and Cp,) is

de= nHZOCszo+n20p2 (9-6)

This equation leads to

Cp,=555C, +mCT, (9-6")
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Table 9-3 Heat capacities for solutions with a constant amount of solvent
(1000 grams H,0) and m moles Ca(NO,),
Cpsol (kd K)
m
(mol kg™') T=322.7K T=331.6K T=3414K
13.88 6.91 6.88 6.96
12.77 6.67 6.65 6.72
11.89 6.48 6.48 6.47
10.93 6.22 6.24 6.22
10.87 - 6.26 6.24
9.428 ~ 5.95 -
8.447 - 5.75 -
5.685 - 5.22 -
4.828 - 5.03 -
2.983 - 4.68 -
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from which we can calculate the partial molar heat capacity of the solvent water
in the concentrated solution. Rearranging Equation (9-8') gives

C. =(C

oo -m sz) /555 (9-7)

Psal

Substitution of Equation (8-4) and (9-5) into Equation(9-7) leads to

T, = 74.19- 1.235x10°m’ - 6.450x10 ™ m (9-8)
Figures 9-3 and 9-4 show the graphs of heat capacities of soluticn, and partial

molar heat capacities for Ca(NQO;), and H,O as functions of molality.

Many investigators of electrolyte solutions use apparent molar heat capacity

to express the heat capacity of the solution. Apparent molar heat capacity (bCp is

defined as

¢C = (C, - c’®

oy nHzo Puo 9-9)

)/n,

in which Cp°H20 is the molar heat capacity of pure water. Apparent molar heat

capacity <1>Cp can be calculated from specific heat of solution by

¢C,=[C (1000 + mM,) - 1000 C;Heoj/m (9-10)

in which Cpy,n° is the specific heat capacity of pure water, and Cp is the specific

heat capacity of the solution. Rearrangement of Equation (9-9) gives

C = n2¢Cp +n

Pso (9-1 1)

Ho%a,,

or
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[¢]
Cppy=M# C, + 5550, (9-11)

Psoy

Partial molar heat capacity can also be calculated from apparent molar heat
capacity ¢C,, by

— oC,
szzm(wm,T.P*'q)Cp (9-12)

Therefore, if we express ¢Cp as a function of m, the values of Cp, can be

obtained by differentiation of ¢C_, with respect to m in combination with Equation

(9-12). The values of Cp, calculated using Equation (9-12) and (9-5) show very

small differences. which are expiained by the uncertainties of the fitting of

equations to Cpg, values and ¢C, values. However, if the equations for Cosol

and ¢Cp were exactly fitted to the experimental data, sz obtained from these two

equations would be the same. This can be understood by the fact that the
substitution of Equations (9-4) and (9-10) to (9-12) »cads to the same - xpression

of sz as Equation (9-5).



188

6000

Heat Capaclty (J K1)

5000 -

Molallty (mol kg™1)

Figure 9-3 Heat capacities of concentrated Ca(NO,), solutions as a function of

molality at 331.6 K



187

220
;
—6 21 0 -
£
T 4
2
& 200 4
1O . .
calcium nitrate
J
130 v T T T T T v T v T T
2 4 [S) 8 10 12 14
Molality (moi kg™1)
75
water
24 —_‘B\%\
[ 4
'_E
x 74—
=2
&) ’
72 v T v T T Y Y 1

N

R 10 12 14
Moilality (moi kg-1)

Figure 9-4 Partial molar heat capacities for Ca(NO,), and H,O in concentrated

aqueous solution at 331.6 K



188

Melting Temperature, Enthalpy, and Entropy
The melting temperature and melting enthalpy of calcium nitrate
tetrahydrate have been determined previously. The uses of these data in
connection with solar energy sterage have been discussed by Guion et af . 22

They have compiled the meiting temperatures and meiting enthalpies for several

hydrates’22 from scientific journals and contract reports. The literature data on
Ca(NOg),4H,0 summarized by Guion et ai .'22 show that the reported melting

points are distributed over the temperature range 39 to 47°C and the enthalpies
of meiting over the range 33.3 to 50 cal g”'. We have used our C-80 calorimeter
for determining the melting temperature and enthalpy to resolve the
uncertainties in the literature data.

The experimental procedure for determination of meiiing point and enthaipy
is basically the same as the procedure for heat capacity measurement. About
0.6-0.8 gram of crystal sample (60-140 mesh) was placed in the sample cell.
The calorimeter temperature was initially controlled at a temperature slightly
below the melting point of the hydrate. The calorimeter temperature was then
increased to a few degrees above the melting point. Specifically, the
temperature ranges for our measurements were 38.65-48.53°C, 41.66-49.73°C
and 41.66-51.55°C. To avoid any local over-heating of the sample, the
temperature ramping was controlled at the slow rate of 3 °C per hour.

Figure 9-5 shows a typical thermopile outpul during the melting of
Ca(NO;),-4H,0. It is found that a small baseline shift through the melting

process is observable in Figure 9-5. The shift of baseline is due to the difference
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between the heat capacities of crystal hydrate and molten hydrate (liquid), which
we have measured separately. it is observed that the baseline after melting is
shightly higher than that before melting. ' his indicates that the heat capacity of
liquid (molten) hydrate is larger than that of crystalline hydrate, which is in
accord with the resuits of our direct heat capacity measurements.

The melting point was determined from the intercept of the initial baseline

and the frent peak as shown in Figure 9-5. The uncertainty of the melting point

is estimated to be +0.2°C.

The enthaly of melting was caicuiated from the melting signai curve as

AH_ = "“H!otal'CpL(TZ'Tn)'Cpc(Tm -T) (9-13)

in which AH,..., is the total enthalpy change obtained by integration of the area
under the curve from inital temperature to final temperature; Cp, and Cp_ are
heat capacities of liquid and crystal form Ca(NO,),-4H,0, respectively; T, is the
melting temperature, and T, and T, are initial temperature and final temperature,

respectively.
Once the value of AH_ was obtained, the entropy of melting AS_, was then

calculated by
AS, =AR_/T_ (3-14)

in which the melting temperature T_ is expressed in K.
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Five independent measurements on melting of calcium nitrate tetrahydrate
have been done and the values of T_, AH_ and AS_, are reported in Table 9-3.

We obtained an average melting temperature 316.05 + 0.18 K, which
compares well with vaiues of 316.15 K,723.12% 315,75 K,125.728 315 85 K,127.128

and 315.95 + 0.2 K (measured with a capillary melting point apparatus ir: the
Department of Chemistry, University of Alberta). The average value of AH_, we

obtained is 34.1+0.8 kJ mol!, which also agrees with 33.6 kJ mol! from

reference 129 and 33.5 kJ mol-1.726.130

Furbo and Svendsen'23 have correlated the experimental values of AH_
and AS_, with the number of water molecules, n, in hydrated compounds of type
MX-nH,O. They proposed the following linear correlations:

AH_, (kcal molT) = 1.62n + 0.41 (9-15)
AS,, (cai K" mol'')=5.48n-1.16 (9-16)
Their empirical correlations led to AH_ and AS, for Ca(NO,),-4H,0 to be 6.89

kcal mol! (28.8 kd moli') and 20.76 cal K-* moi-! (86.8 J K'! mol'') that are 15 to

20 percent difference from our measured results.
Guion et al. *2?selected literature values for 60 hydrates to correlate AH

and AS_, with moles of water, n, in hydrates. They proposed two sinilar linear

correlations:



Table 9-3 Experimental determinations of t_, AH_ and AS
Run Temperature Range T, AH_, AS,,
(K) (K) (kd mol™) (J K1 mol™)

1 311.80-321.34 316.0 34.17 108
2 311.80-321.34 315.9 33.94 107
3 314.81-322.88 316.0 32.79 104
4 314.80-324.70 316.2 34.77 110
5 311.80-321.68 316.1 34.65 110

Average 316 £ 0.15 34.1£0.8 108+2




193

AH_ (kcal mol') = 1.692 n + 1.314 (9-17)
AS_ (calK'mol'')=489n +6.35 (9-18)

These correlations give AH_ and AS_ for Ca(NO;),°4H,0 equal to 8.082 kcal

moi™! (33.8 kJ mol'') and 25.91 cal K'! moi'! (108.4 J K- mol-! ) that are in

excellent agreemeni with our experimental values of 34.1 kJ mol! and 108 J K-

mol-!, respectively.
A hydrate compound can be represented by the formula MX-nH,0O in which

M represents metallic ion, X represents the anion. Thus the melting process can

be represented by

(MX-nH,0)g = (MX-nH,0), (S-19)
in which the <ubscripts S and L represent solid {crystal) and liquid form hydrate.
Guion et al. 122 and Telkes'25 have proposed a very simple model for predicting

the theoretical value of melting entropy AS,:
(AS )i = AS,(MX) + n AS_(H,0) (9-2C)
Here (AS,,),, is a theoretical prediction of AS_, forthe process represented by
Equation (9-19), AS_,(MX) is the melting entropy of one moie of MX compound,
and AS (H,0) is melting entropy of one mole of water.
We now use Equation (9-20) to predict the (AS,),, for Ca(NO;), 4H,0.
AS(H20) is equal to 22.03 J K*' mol™! from the literature®? and AS ,(Ca(NO,),)

is 25.60 J K'1 mol'.126 Using Equation (3-20) we obtained the predicted value

of A8, to be 113.7 J K*! mol!, which differs by 5% from our experimental value.



Prediction of the Glass Phase Transition Temperature
As mentioned earlier, the supercooled liquid Ca(NO;),-4H,0 has been
observed in the neat capacity measurement. When the temperature was
decreased to ambient temperature the molten Ca(NO,3),-4H,0 was still in the

liquid state. The heat capacity of the supercooled liquid was found tg be
independent of temperature. Because our calorimetric temperature could not be
reduced lower than room temperature, we were unable to measure the heat
capacity of supercooled liquid Ca(NO,),-4H,0 at the temperatures that are lower
than room temperatures. Generally, if the temperature is further reduced, it
eventually reaches a temperature at which the supercooled liquid undergoes a
phase transition and forms a solid (either crystal or glass). The phase transition
is characterized by a more or less sudden decrease in some intensive
thermodynamic properties such as the specific heat capacity ¢. thae avpansion
coefficient.

We have mentioned the heat capacity graph of ZnCl, (Figure 9-2) earlier.

Now we use this figure to discuss the phase transition phenomenon in more

detail.
Heat capacities of solid and molten ZnCl, were initially measured by

Cubicciotti and Eding.'3! They obtained a constant heat capacity of 24.1 cal K1

mol-? for the liquid state and a temperature dependent heat capacity for the solid

(crystal) that can be represented by a linear function of temperature, Cp(cal K-1
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mol') = 14.5 + 5.5x103 T. Angell and Moynihan '8 have analysed the heat

capacity data and constructed a graph of heat capacities against temperature

similar to Figure 9-2.

In Figure 9-2, the temperature was expressed using a logarithmic scale so

that the area under the curve between any two values of In T represents the

entropy difference of the phase between the two temperatures. T, in Figure 9-2

represents the temperature of melting. Tg represents a temperature at which the
transition from supercooled liquid to glassy state is experimentally observed,
called the glass transition temperature. T, is regarded as the true
thermodynamic glass transition temperature. According to Gibbs and
Dimarzio'32 T, is slightly iower than the experimental glass transition
temperature Tg, but can not be reached in a finite time scale experiment due to
kinetic considerations.

The parameter T, may be interpreted theoretically as the temperature at

which molecular or ionic migration stops because the free volume!33 or

configurational entropy'34 of the melt vanishes. If the melt is carefully and slowly
cooled, we can pass the T, and obtain the supercooled liquid. When the
temperature is further reduced, the viscosity of the liquid increase rapidly and as
it approaches T, the viscosity increases to about 10''-10'5 poise''6.135 and the

melt appears to be a solid in many ways. Because the liquid phase has a higher
heat capacity than the solid phase, when the temperatures of both phases are

reduced over the same interval, the liquid phase loses more entropy than does
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the solid phase. The difference between the entropy loss of two phases is
represented by the quadrilateral graphical area bounded abovz the crystalline

phase curve and below the supercooled liquid curve and between two vertical

lines of In T, and In T in question. When the temperature is reduced to Tg, itis
found that the quadrilateral area between In Ty and In T, is somewhat smaller
than the AS .. at the normal melting temperature, T, Forexample, in the ZnCl,

system, Anga!! et al. 16 has shown the entropy loss between T, and T, to be
about three quarters of the entropy of melting. If we continue to extrapolate the

stina;cooled hcid curve below Tg, eventually, we will reach a temperature at

which the corresponding area will exceed AS,,. It implies that the liquid has lost

excess entropy so that an amorphous glassy phase is formed with a total
entropy less than that of the crystalline solid at the same temperature. This is

impossible from thermodynamic considerations. Therefore, Gibbs and

Dimarzio'32 proposed that there must be a lower temperature limit T, to the
liquid curve extrapolation, so that from T, to T, the liquid would not lose more
entropy than AS_,. Since this T, exists by thermodynamic necessity, it must
correspond to a true thermodynamic transition. For the ZnCl, system, Tg has
been found to be 376 K and T, has been calculated to be 336 K.

Although T_ is a theoretical concept and never been attained

experimentally, it can be calculated in several ways from thermodynamic or

transport property considerations. When Angell'99-110 jnyestigated the
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conductance of ionic liquids (molten salt or molten hydrates), he noted the

non-Arrhenius temperature dependence of the conductance at low temperature.

That is, a plot of In A = . 1/T shows non-linearity, which indicates the

inadequacy of the Arrhenius equation

A =B exp(-E / RT) (9-21)

to represent the transport properties in the low temperature region. He then
applied the free volume theory of liquid transport proposed by Cohen and

Turnbull'33 and developed a three parameter equation
A=AT "2 expl -Ky/ (T -T,)] (8-22)

where A is the equivalent conductance, A, K, and T, are constants. The
parameter T  in Equation (9-22) is the theoretical glass transition temperature.

Hence T, can be obtained by fitting Equation (9-22) to experimentally

determined equivalent conductance data. Equations of type (9-22) are also

applicable to other transport properties such as viscosities and diffusion

coefficients.’'® Therefore, there are several useful ways to calculate T,

T, can also be obtained directly from thermodynamic data. As mentioned
above, when the temperature of liquid reaches T, the liquid loses all entropy of
melting AS_, and the quadrilateral graphical area bounded from In T to In T |

(see Figure 9-2) equals to AS_,. Theref~-e T, can be found from AS_, Cp,q and

Cpcrystal data by
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Tm
ACp
ASm=J—;F~dT (9-23)
TO

in which ACp Is the difference between heat capacity of liquid and crystal, ACp=

Cpiig - Cpcrystal- Glass forming of supercooled liquid Ca(NO,3),-4H,O has been

reported and discussed by Angell and Moynihan.108-110,116,136-139 Transport

properties such as equivalent conductance and viscosity of liquid

Ca(NO;),-4H,0 and mixtures of Ca(NO;),-4H,0 with other salts have been
extensively studied by these authors. The value of Tg for Ca(NO,),-4H,0 has

been determined in different ways to be 212 K,37 217 K,199 and 220 K.140 T,

has been calculated to be 201 K'3® from conductance measurements, 205 K39
from viscosity measurements and 200 K'°° from thermodynamic measurements.

We have measured the temperature and entropy of melting and heat

capacities of both liquid and crystalline Ca(NO,),-4H,0, which enable us to use
Equation (9-23) to calcuiate T, from the thermodynamic data to compare with T

obtained from transport property measurements. Cp for liquid Ca(NO,),-4H,0
has been found to be almost temperatw.: independent. Thus an average value
from 10 measurements, 502 J K- mol', is used as the heat capacity of the liquid.

A two term equation has been fitted to heat capacities of the crystal:

C, (JK'mol'')=-147.95 +1.5848 T(K) (9-24)

Pays

To a first approximation, we assume that Equation (9-24) can be extrapolated
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over the whole temperature range from T,to T,,. Then we place Cp values into

Equation (39-23) and obtain

AS,=64995 In (T /T )-15848 (T_-T) (9-25)

The value of T, is calculated to be 203+2 K by solving Equation (9-25). The

results indicate that the theoretical glass transition temperature T, obtained by

thermodynamic methods in the present work is in excellent agreement with

those obtained by analysis of transport data.
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Chapter 10
Heats of Solution of Sodium Chloride and Potassium Nitrate

in Moiten Caicium Nitrate Tetrahydrate

Introduction

Previous investigators have observed very great differences in properties of
dilute solutions and very concentrated soluticns of electrolytes. In dilute solution
there is an excess of water so ions are completely hydrated. However, in very
concentrated solutions the ratio of water to salt is much smaller and there is not
enough water for ions to form complete hydration sheaths, which makes some
such solutions similar to molten salts. When a salt dissolves in water the major
interactions are beween ions and water. 3ut when a salt dissoives into very
concentrated electrolyte solution we must take into account the competition
among ion-ion, water-water, and ion-water interactions.

In Chapter 9, we discussed the thermodynamic properties of calcium nitrate
tetrahydrate without considering any interactions between Ca(NO,), and other
chemicals. In this chapter, we investigate such interactions by in terms of the

heats of solution (AH,_) of sodium chlcride (NaCl) and potassium nitrate (KNOy)

in molten Ca(NQO,),-4H,0 and comparison of these measured AH_values with

heats cf solution of these salts in water.
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Experimental

Reversal Mixing Cells

in addition to heat capacity measurement the C-80 caiorimeter can be used
for measurement of heats of mixing, heats of reaction and heats of solution for a
solid or liquid in a solvent by using specially designed reversal mixing cells with
related accessory paris. The reversal mixing cell, illustrated in Figure 10-1,
consists of two concentric stainless steel cylinders. One (we call it the outer cell)
has the same dimensions as the regular heat capacity measurement cell. Inside
of the outer cell is a smaller (both diameter and height) cylinder (we call it the
inner cell). The insides of both ends of the outer cell are threaded. The inner
cell is located vertically in one end of the outer cell. It is connected to the outer
cell with an "o" ring and a threaded cap. The other end is attached with a
second "o" ring and sealed with a threaded top cap. One reagent to be studied
is placed in the inner cell and the second one is placed in the outer cell. In
normal position, the reagents are isolated from each other. The calorimeter is
attached to a motor device. When the rotation switch is in the "on™ position the
whole calorimeter rotates periodically, which allows the two reagents to mix
together.

There are two versions for arrangement of mixing reagents based on
reagent properties and measurement requirements, as shown in Figure 10-2.
1. If the vapors of two reagents are required to be completely isolated betore
mixing (for example mixing two volatile liquids) version A in Figure 10-2 should

be used. In this arrangement, the inner cell is completely ccvered by mercury
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ancd the second reagent is placed on the top of the sealing mercury. This
arrangement ensures a complete separation of vapor phases of two reagents.
2. When the vapor pressures of both reagents are very smail or vapor phases
of the two reagents do not need o be separated, a simpler arrangement (version
B) can be used as shown in Figure 10-2. One reagent is placed in the inner cell
and the top of the inner cell is opened. The second reagent is placed in the
ciater cell but the upper level must be lower than the top of th= inner cell
(actually, the second reagent is in the gap between the wall of inner cell and
outer cell). The space above the inner cell is for vapor space. The vapors from
different reagents are in equilibrium with two reagents. There are three different
sizes of inner cells to be chosen for different situations.

Simiiar to heat capacity measurements, two identically designed reversal
mixing cells are to be used for the measurement of heat of mixing. wne is used
for mixing of samples and the other is used as a reference cell. The components
in the reference cell  ould be as similar as possible to the components in the
sample cell to obtain a good baseline, but the components in the inner and outer
compartments of the reference cell must be the same. Commonly, if the sample
cell involves mixing of two liquids, a pure solvent or a solution with the same
composition as in the saimpie cell after mixing can be placed in the inner and
outer containers in the reference celi. If the sample cell involves a dissolution of
a solid into a liquid any pair of the following components can be chosen for the
reference cell: pure solvent + pure solvent, or solution + solution (the same

composition as in sample cell), or pure solvent + inert solid (e.g., glass beads).
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Mixing two components in the sample cell produces a heat change (either
exothermic or endothermic) that is detected by the heat flux meter and leads to a
signal peak. The signal data are collected by a computer. Again, the software
for the computer was developed in house. The program was written to collect
calorimetric signal data and integrate the peak to obtain the area under the peak
at the end of a run. The data are stored on a 3 1/2" micro-floppy disk. The heat

of solution (or reaction, mixing) is calculated from the calorimetric signal by

Ay = ———— (10-1)

in which CS is the calorimetric signal, t, is the time starting a run, t, is the time

required to achieve the final base line, and n is the number of moles of solute.

Procedure

In this work we measured the heats of solution of sodium chloride and
potassium nitrate in molten calcium nitrate tetrahydrate. To test the calorimeter
and program for heat of mixing measurement, a few heats of solution of sodium
chloride in water have also been measured at 40°C to compare with the
literature data.

Because the vapor pressures of water are not high at the working
temperatures, it is not necessary to use arrangement A to completely isolate two
reagents. Instead, we used version B for our measurements. In this

arrangement, a known amount of solid sample was placed in the outer cell and
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a known amount of liquid was placed in the inner cell.

Pure calcium nitrate tetrahydrate was placed in both inner and outer
compartments of the reference cell. The mixing cell was tightly closed with the
top and lower caps. The cell was then placed in the calorimeter. To get a stable
signal for a baseline, the cells were kept in the calorimeter at the set temperature
for 4-6 hours before starting the run. When the calorimetric signal became
constant, the run was initiated. @ The computer first collected the signal for
several minutes before ii.e calorimeter was rotated. The average of these signal
data was used as the initial base line. Then the motor was turned on manually
and the calorimeter body started to rotate. After the calorimeter was rotated the
signal changed rapidly until it reached the maximum (or minimum), then slowly
returned to the baseline. The calorimeter was rotated for several minutes,
which is enough for achieving a complete dissolution and forming a

homogeneous solution. The total run time was 30 to 40 minutes.

Material
The calcium nitrate tetrahydrate (Ca(NO;),-4H,0) used was the same as

that used in the heat capacity measurements described in Chapter 9. To avoid
water content change, solid calcium nitrate tetrahydrate powder was added in
the cell and closed with the cap. The liquid was obtained after this closed cell

was placed in calorimeter at a temperature higher than the meiting point.
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The NaCl used in the measurements was BDH analytical reagent. The
manufacture's specification indicated that the greatest impurity is less than
0.01%, which implied that further purification was unnecessary. KNO, used was

also BDH analytical reagent. The greatest impurity was 0.02% according to the

specification; therefore, KNO, was used without further purification. NaCl and

KNO, samples were dried in a muffle furnace at 400°C for 4 nours. They were

cooled and stored in a vacuum desiccator.

Results and Discussion

To assess the reliability of the calorimeter and the program for heat of
solution measurement we have performed several measurements on heat of
solution of sodium chloride in water, vwhich has been studied by many
investigators. Up to the present. most measurements on the heat of solution of
NaCl in H,O were done at 25°C. Oniy a few investigators have extended the
measurements to higher tsmperawres. Criss and Cobble'4! have measured
heats of solution of MaCl in wa-er at very dilute concentration from 0 to 100°C.
The highest conce-irationr :ney used was only 0.02 mole kg-'. For our
calorimeter, because - - t+ . small volume of mixing cell, if we did the experiment
at that low concer* itic *, the amount of NaCl used would be very small, which
would lead to 2 er- small heat exchange and a very big uncertainty. More

recently, San- .uja and Cesari'42 reported enthalpies of solution of NaCl in H,O

at 30, 35 a- d 4G°C. The concentration range they covered was from 0.005 to
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0.12 mol kg'. Their higher concentration range is appropriate for our mixing

cell. Therefore we compared their results with our data.

Four measurements on heat of solution of NaCt in H,O at 40°C have been
done. The results are presented in Table 10-1. To compare our results with
literature data, we plot AH_ against molality along with the literature data in
Figure 10-4, which indicates that our experimental values agree with the
literature data.

Clarke and Glew'43 have used all available literature data on heat of
solution of NaCl in water and proposed a computer regression model. Using
their regression modei they have calculated the integral heats of solution of
NaCl in water at difierent temperatures and in the concentration range from
infinite dilute to saturation. We have interpolated their data to obtain the heats of
solution at the same temperature and the same concentrations as in our
experiments. The differences between our experimental data and the data
interpoiated from Clarke and Glew's iavie are less than 3%.

Tables 10-2 and 10-3 present the results of measurements of heats of

solution of NaCl and KNO, in molten Ca(NO;),-4H,0 at different molalities
(moles of solute per kg of noiten Ca(NO,),-4H,0) anc different temperatures.
Heats of solution at in® .te dilute, AH_~, were obtained by linear extrapolation

from the plots of AH versus molality, m. The values of AH > are also presented

in Tables 10-2 ana 10-3.

The literature data on heats of solution at infinite dilution indicate that AH >
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Table 10-1 Heats of solution of NaCli in water at 40°C
Run Whiaci Whoo m E AHg,
(9) (9) (mol kg") (J) (kJ mol ")
1 0.01310 2.5853 0.0867 0.526 2.599
2 0.01317 2.5784 0.0909 0.5985 2.655
3 0.01341 2.8409 0.0808 0.6072 2.646
4 0.01660 2.7064 0.1050 0.7219 2.541

Wnac: mass of solute, NaCl

WHoo: mass of solvent, water

E

. energy absorbed during the dissolution of NaCl



Table 10-2 Heats of solution of NaCl in molten Ca(NO,),4H,0
m (mol kg™') AH, (kJ mol ) m (mol kg™) AH, (kJ mol')
T=327.57 K T=337.42K

0.0963 7.119 0.0997 8.319

0.0983 7.488 0.2180 8.945

0.1352 7.925 0.2286 8.767

0.1503 7.675 0.2332 9.043

0.2020 8.025

0.2126 8.195

0.2207 8.101

AH_ == 6.75 kdJ mol!

0.1079
0.1466
0.1503
0.1533
AH ==

0.1180
0.1264
0.1552
0.1707
0.2061

T=348.29 K
9.467
9.668
9.749
9.627

8.85 iJ mol-!

T=2368.01 K
11.36
11.40
11.41
11.47
11.54

AH==11.13 kJ mol!

AH_~ = 7.85 kJ mol-!

0.0915
0.1427
0.1761
0.2121

T=358.17K
10.18
10.66
10.47
10.71

AH ~=9.92 kJ mol?
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AHg™: heat of solution at infinite dilution



Table 10-3 Heats of solution of KNO, in Ca(NQ,),4H,0

m (mol kg™") AH (kd mol)
T=317.72K

0.0611 7.037

0.0614 7.033

0.0847 6.992

0.0869 6.953

0.1280 6.947

AH > =7.11 kJ mol!

T=337.43K
0.0442 8.989
0.0550 8.794
0.0661 8.545
0.0809 8.372
0.0843 8.264

AH = = 9.74 kJ mol!

T =358.20 K
0.0550 10.99
0.0629 10.58
0.0679 10.58
0.0797 10.19
0.1110 9.617

AH~=11.93 kJ mol-1

m (mol kg™) AH (kJ mol )
T=327.62K

0.0550 7.934

0.0640 7.867

0.0648 7.802

0.0843 7.723

0.1020 7.625

AH_ == 8.30 kJ mol-!

T=348.31K
0.0412 10.14
0.0515 9.917
0.0743 9.414
0.0810 9.262

AH~ = 11.06 kJ mol"’
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for NaCl'41-143 and KNO,144 are significantly different. For example, at 40 °C
AH = for NaCl in H,0 is 2.015 kd mol! and AH,= for KNO, in H,O is 33.4 kJ
mol-'. As the temperature increases AH_,~ for KNO; slowly decreases, while
AH_~ for NaCl decreases more rapidly. When the temperature reaches 60°C.

AH > for NaCl changes sign, and the dissolution changes from an endothermic
to an exothermic .141-143

The heats of solution of NaCl and KNO; in moiten Ca(NO,),-4H,0,
however, are completely different from those in water. The values of the heat of
solution for NaCl and KNO;, in molten Ca(NOg),-4H,0 are similar to each other
as can be seen in Table 10-2 and 10-3.

From the determination of association equilibria of cadmium and bromide in
concentrated aqueous electrolyte solutions and molten anhydrous salts,
Braunstein and his coworkers'!1-1'4 have realized that when the water content
was reduced below 4-8 mole of water per mole of sait the soiution chemistry of
aqueous electrolytes shows marked changes.

Braunstein et al.'13 calculated the enthalpies of evaporation of water from
aqueous electrolyte solutions of Ca(NO,), at different water contents, using the
vapor pressures of water for these systems measured by Ewing.'*® They found
that the enthalpies of evaporation increased sharply at water concentrations

lower than 6-8 mol water per mol salt. Recently, Emons’2® measured the

enthalpy of evaporation of water in the system MgCl,-H,0O and found a steep
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increase of the evaporation enthalpy starting at the molar ratio of water to MgCl,

about seven.

Braunstein et al .’'3" 1'% have suggested that the behavior of highly
concentrated soiutions or molten hydrates approaches that of molten salts.
From the studies of transport properties of molten hydrates Angell108.110 pag

proposed that aqueous solutions of polyvalent ions might be regarded as molten
salts of weak field cations, M(Hzo)nmt because the water content is insufficient

to form more than a first co-ordination sheath for the cation. Our heats of

solution also provide some evidence for this conclusion. We consider moiten
Ca(NO;),-4H,0 to behave like a molten salt which consists of Ca(H,0),+2 ard
NOs ions.

The soiution process may be described by an ion exchange (competition)
reaction. When NaCl or KNQO; was added to molten Ca(NOy),-4H,0, the anion
interacted with the complex Ca(H,0),*2 resulting in an ion exchange between
water and anions. This reaction can be formulated as follows:

2- . 2-
[Ca(H,0)5.,,(NO,) ™" + mX = [Ca(H,0)g 1.y (NOy), X ™™ 1+ mH_ 0O

in which X~ represents either CI” or NO;-.

The above mentioned water-anion exchange reaction in very concentrated

electrolyte solution has been supported by Emons.'20 He used a Raman

spectroscopy to obtain the spectra of the MgCl,-XH,0O and KCI"'MgCl,-XH,0

systems. For MgCl,-6H,0, he noted a band at 355 cm"!, which he attributed to
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the Mg{H,0)4*2 complex. However, when he added 30 to 40 moi % KCl 1. the
hydrates, the Mg(H,0)g*2 band at 355 cm™! nearly vanished, which inc a'+d the
occurrence of water-chloride 1on exchange reactions.

Angell'*® has found that molten Ca{NO,),-4H,O can dissolve large amcunts
of KNO;. The solunility of KNO4 in molten Ca(NO,;),-4H,0 is much greater than
in H,O. For example, at 100°C the satiuration solubility of KNO; is about 30
mol% in water but 68 mol% in Ca(NO,),-4H,0.''% This is not surprising after

considering the heats of solution. Because the dissoiution of a salt in a solvent
must be accornpanied by a decrease in the Gibbs energy, a lower endothermic
enthalpy leads to more decrc use 2f Gibbs energy than higher endothermic

enthalpy!! do and thus leads to a larger solubility. The endothermic enthalpy of

solution for KNO, in water is much larger than in Ca(NO;),-4H,0. For example,
at 60°C AH_ = in H,O'4% is 31.5 kJ mol' compared to 9.14 kJ mol in

Ca(NO,),4H,0 (interpolated trom experimental oata). Tnerefore, KNO; is more

soluble in Ca(NO;),-4H,0 than in H,0.

The heats of solution of NaCl and KNGO, in Ca(NO;),-4H,0 at infinite

dilution at different temperatures are plotted against temperature as shown in
Figure 10-5. Silvester and Pitzer'4® proposed that the enthalpy of solution at
infinite dilution was a 3rd order polynomial functior: of temperature. Because we
have only five data points, 2nd order polynomial equation is enough for

expression of the heat of solution as a function of temperature. Therefore we
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fitted 2nd order polynomiai equations to the experimental data by the least
squares method. The equations obtained are:

for NaCl
AH] =5.6131-0.0878T + 2795x10' T° (kd mol ) {10-2)

and for KNO,

AH™=-103.68 + 0.5493T-6.321x10™ T° (kJ mol ) (10-3)

S
The temperature coefficient of heat of solution at infinite dilution relates to

the heat capacity change for the dissolution process. which can be expressed

as
dAH .
= { (10-4
- ACp {10-4)
o] - s}
AC = sz . sz (10-5)

in which 6p2°° is the infinite dilution partial molar heat capacity of solute in the
solvent Ca(NO,),-4H,0 and Cp;- is the heat capacity of pure solid solute. AC_°
can be obtained by aifferentiation of Equations (10-2) and (10-3) with respect 10
T. Cpy,e for solid NaCl and KNO, are well-known. Here we use the values for
Cp, reported by Kelley.'4” Therefore we can obtain the partial molar heat
capacity of NaCl and KNO, in molten Ca(NO;),-4H,0 using Equation (10-5).
Since the Cpy° was reported as equations by Kelley and ACpO obtained from
differentiation of two enthalpies of solution (see Equations (10-2) and (10-3)) it is

appropriate to obtain Epzm in terms of an equation. The equations for AH_ =, ACpO
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and szm are summarized in Table 10-4. The partial molar heat capacities of

NaCl and KNQ, in molten Ca(NO;),-4H,0 at any temperature can be calculated
from the equations in Table 10-4.

Partial molar heat capacities at other higher concentration are obtained by

o

szchz +Acm

N Nla

(10-6)

in which Ag is the slope of Debye-Hiickel limiting law.
The values of Cp,= for NaCl in Ca(NO,;),-4H,0 and in H,0'4! are

considerably different. For examgte, at 60°C, Cpy= in Ca(NO,),-4H,0 is equal

to 150 J K-! mol'', compared to -65 J K! moi'! in water. 4!



Table 10-4

Equations for calculating AH_=, ACp° and C_,> for

NaCl and KNOj in moiten Ca(NQ;),-4H,0

218

Parameter

Equaticn

AH > (J mol™)
AC,° (J KT mol)

Cpo= (J K mol')

AH_= (J mol )
AC° (J Kt mol)

Cpg“’ E mOiA")

KNO,
-1.0368x10% + 549.3T -0.6321T2
549.3 - 1.264T

610.2 - 1.145T
NaCl

5.6131x103 - 87.9T + 0.2795772
-87.9 +0.559T

-41.96 + 0.5757
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Figure 10-5 Heats of solution at infinite dilution for NaCl and KNO; in molten

Ca(NO,),-4H,0 as a function of temperature
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Chapter 11

Philosophy and Some Conclusions

Thermodynamic measurements are generally of two different kinds, as
follows.

One kind of thermodynamic measurement involves experimental work
leading toward such equilibrium properties as reversible electrochemical cell
potentials, equilibrium constants for chemical reactions, solubilities of gases in
liquids (as reported in this thesis), solubilities of solids in liquids, etc. All of
these equilibrium resuits lead tc Gibbs energies (AG). After such equilibrium
results have been obtained at several temperatures or pressures, it is possible
to do thermodynamic calculations, all of which involve some matherntical or

graphical differentiation, to obtain what are sometimes called "derivative”
properties, such as AH, AC,, AS, and AV. Some calculations of this sort have
been described in this thesis.

Another kind of thermodynamic measurement involves experimental work
leading to evaluation (without differentiation as mentioned above) of the
"derivative” properties. For exampie, calorimetric measurements (as described
in this thesis) can lead to values of AH (a first derivative of AG with respect to
temperature ) and ACp (a second derivative of AG with respect to temperature);
measurements of both kinds are described in this thesis. Measurements of

densities or measurements of volumes of known masses of substance can lead
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to "partial molar volumes" that are first derivatives of AG with respect to pressure,
as also described in this thesis.

Since all of the quantities that appear in the equations of classical chemical
thermodynamics are (at least in principle) measureable, why bother with the
equations? Why not just measure directly whatsver we want tc know?

One answer to the questions above is that some quantities are much easier
to measure than are other quantities. It is therefore sometimes desirable to
measure the "easy" quantities and then to calculate the "difficuit” quantities that
we want to know.

Another answer to the questions above is that we can measure some
quantities much more accurately than we can measure other quantities. It is
sometimes possible to measure quantities "a" and "b" quite accurately and then
calculate quantity "c" more accurately than we can measure quantity "c".

Still another answer (and probably the most important answer) to the
questions above concerns efficiency, as foillows. We do not have and are never
iikely to have the resources (scientists, time, squipment, lab spacs, stc.) that are
required to measure all of the thermodynamic quantities that are needed for
many different purposes in both pure and applied science. But it is possible that
we can measure some properties (carefully selected) that wili permit us to
calculate many other properties. Consider the following example that is
pertinent to the research described in this thesis.

There is considerable practical need for information about the solubilities of

several gases in several liquids over considerable ranges of temperature and
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pressure. A of these solubilities might be measured, but this huge amount of
labor is not necessary if we make cenain selected measurements and then
calculate the other quantities that somzcne wants to know. Chapters 4 and 5 in
this thesis are devoted to accounts of experimental irvestigations (low pressure)
leading to solubilities (expressed as Henry's law constants) of several gases in
several liquids. Thermodynamic calculations (all involving mathematical
differentiation) permitted evaluation of AH®, AS®, and AG®°, and thence also
permit convenient extrapolation to higher and lower temperatures.

The measurements described in Chapters 4 and 5 might have been
extended to many different high pressures for each gas in each liquid at each
temperature, but there is no need to make all of these measurements. Instead, it
was much more efficient to make measurements leading to partial molar
volumes of gases dissolved in liquids (as described in Chapter 6) so that these
high pressure solubilities can be calculated by way of the Krichevsky
-Kasarnovsky equation.

it frequently happens that a particular experimental technique is not
applicable to all systems of interest. For example, research described hare has
shown that the GLC method is not good for obtaining informatio.a about such
light gases as methane in bitumens. It is therefore potentially very useful to be
able to use data for other systems tc predict the quantities that we have been
unable to measure. An example of this kind of prediction is presented in

Chapter 4.

As a cumulative result of the kinds of investigations reported earlier in this
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thesis and mentioned in this chapter, we now have ieliable and useful data for
many (gas + liquid) systams. It has also been shown that the useful and
convenient GLC method is not good for certain kinds of investigations, but we
have compensated for this limitation by showing that it is possible to make
reliable predictions of some of the "missing” data.

As stated earlier in this thesis and as emphasized in this chapter,
solubilities of gases and partial molar volumes of gases are directly related to
each other. It therefore follows that Chapter 2-6 of this thesis are related to each
other in various ways.

Earlier in this chapter the connection between equilibrium properties and
"derivative" properties that can be measured calorimetrically has been
mentioned. It is because of this connection that the second part of this thesis
(Chapters 7-10) has been devoted to an account of calorimetric investigations.
Although the specific chemical systems that have been the subject of the present
calorimetric investigations are not related to the (gas + liquid) systems described
in Chapters 2-6, there is a background connection in terms of the "first kind" and
"second kind" of measurements discussed earlier in this chapter.

Because some of the kinds of calorimetry described in this thesis are
uncommon and also because the calorimeter usad had not yet been thoroughly
tested, quite a lot of the present calorimetric research was devoted *~ working
out experimentai methods and to determining the limits of accuracy and
reliability of these methods and our calorimeter. In addition to this kind of testing

and evaluation that is an absolute requirement as a background for good quality
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investigations to be carried out in the future, some truly new results have been
obtained (see especially Chapters 9 and 10).

Aithough it is unlikely that the results for water reported in Chapter 8 are
sufficiently accurate to make a significant contribution to our present knowledge
of this important substance, the methodology described here is applicable to
many other systems for which we have ncthing comparable to the "steam tables"
for water. It is likely that an important extension of the research described here
will focus on investigations of the sort described in Chapter 8, but applied to
liquids other than water.

Some of the discussion throughout this thesis, including this final chapter,
has focussed on the useful applications of chemical thermodynamics. | very
much hope that the data (measured and calculated) and the experimental
methodologies that have come from this research will be useful in the
non-academic world. But it is also important to recognize that there are other
components to the kinds of research reported here. For example, the research
that | have done was designed to provide me with a breadth and depth of
scientific experience. Finally, there is the non-measured matter of beauty and
pleasure in science. As just one of many illustrations, | mention the
considerable pleasure that came to me while working on the beautiful (to me)

equations in Appendix A and in Appendix B.
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Appendix A
Derivation of Relationship between Saturation Two Phase

Heat Capacity and Heat Capacity of Saturated Liquid

Consider a mass of liquid, M, placed in a closed cell with a volume V, at
initial temperature, T,. The liquid is defined as being in equilibrium with its
vapor phase. The entropy of the saturated liquid per unit mass is S, and the
entropy of the saturated vapor per unit mass is Sg. The total entropy of the

system, S, at temperature T is defined by
S= MS +MS, (A-1)

= MS, +M(S_-S)) (A1)

in which M = M, + M_, M__is the mass of liquid and M, is the mass of vapor in the

cell, and Sg-SL is the entropy of vaporization per unit mass that is given by the

following equation:
S,-S =4S, =4H /T (A-2)

g vap vap o

Substitution of equation (A-2) in equation (A-1') gives

S=MS +M AH»ap T) (A-3)
The second term on the right side of equation (A-3) represents the difference
between the entropy of the real liquid plus vapor system and the liquid system

without a vapor phase.%® We redefine this term as S' so that

S=MS +S (A-4)
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Differentiation of equation (A-4) with respect to T yields
dS /dT = M(dS, /dT) +dS/dT (A-5)

For a reversible absorption of heat 8Q with the temperature change of dT,

then the entropy change of the system is
dS=8Q/T=MC,dT/T (A-6)

where C,, is the measured heat capacity per unit mass of the two phase system.
Similarly,

dS, = Cg dT/T (A-6")
in which Cg is the heat capacity per unit mass of saturated liquid. Combination
of Equation (A-5) with Equations (A-6) and (A-6') leads to

T ds’
C”=CSL+-ﬁ—dT (A-7)

The total volume,V, of the two phase system is expressed by
V=MV, + Mqu (A-8)
=MV, + Mg(vg -V) (A-8")
in which VvV, and Vg are the specific volumes of the liquid and the vapor,

respectively. Rearrangement of equation (A-8') leads us to

V-MvV, A
Me=v v (A-9)
g L
which can be incorporated into the definition of S' to obtain
V-MV, AH
s’ L __Yep (A-10)

SVV, T

(]
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Combining Equation (A-10) with the Clapeyron equation
dP AHvap

A -2 (A-11)
dt TV, - V)

gives Equation {A-12):
dP

§' = (FIV-MV) (A-12)

Further differentiation of Equation (A-12) with respect to T gives
ds' d°P dP dV,

ridle (dT)(V MV) + (57 )[(E-T-) Ml (A-13)

Substitution of Equation (A-13) into Equation (A-7) leads to

P V P dV dv
Ci=Cq+ :Tz -V + T(g‘T‘) [('g‘f) ',1\7'(—5—5)] (A-14)

Rearrangement of Equation (A-14) leads to the final equation for calculation of
specific -~ capacity of saturated liquid, Cg, :
ap, GV T dll' VT
Co=Cy+(GF g9 -5 i+ T2 — M T-4 (A-15)
in this equation dp/dT and d?p/dT? are the first and second derivatives of vapor
pressure with respect to temperature; both terms can be obtained by

differentiation of an empirical P~T equation that is obtained by regression of
experimental data on vapor pressures. The term dV, /dT is the derivative of the
specific volume of the liquid with respect to temperature and can be calculated
from density values at different temperatures; dV/dT represents the thermal

expansion of the cell. This last quantity can be derived using the linear

expansion coefficient of the material from which the experimental cells are
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made. The volume of a cell at a temperature T is defined as V, and the linear

expansion coefficient of the material is € so that the volume of the cylinder cell at

a new temperature T is given by

V=V1+e(T-T) (A-16)
Hence, the expansibility of the cell is calculated as

dv -2
aT:SVos [1T+e(T-T)I (A-17)

Equation (A-15) relates the specific heat of saturated liquid to the measured
heat capacity of the two phase equilibrium system and other experimental
parameters such as P, V, T, etc. When the vapor pressures and specific
volumes of the liquid over a temperature range are available, the heat capacity
of the saturated liauid can be obtained by applying Equation (A-15) to

calorimetric vaiues of Cy,.
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Appendix B
Derivation of Relationship between Heat Capacity of Saturated

Liquid and Constant Pressure Heat Capacity

Consicer a liquid in equilibrium with its vapor, all in a closed system. When
the liquid reversibly absorbs a quantity of heat 8Q which leads to the
temperature chang~ dT, 0Q can be expressed by the first law as

3Q = dE + PdV (B-1)
We also have
dE =dH - PdV - VdP (B-2)

Combining (B-1) and (B-2) gives

&0 =dH - VdP (B-3)
We consider H as a function of P and T and write
oH oH
dH = (== ,dT + (=—3.dP (B-4)
[e 2 T or

This expression for dH is substituted in Equation {B-3) to give

oH oM
= (5PpdT + (553,dP - VAP (E-5)

Combining & .. ic thermodynamic equation
dH = TdS + VdP (B-6)
with a Maxwell relation

(—9 (ET)P (B-7)

gives
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oH oV
o= TGt Y (6-8)

which is substituted in eguation (B-5) to give

R oH —.oV.,
:I— iT - 'B_"
d3Q \aT)poT i(gT—)poP (B-9)
Therefcre, we ckiain
dQ oH oV dp ,
ot =G a7 (B-10)

In Equation (B-10), the term 3Q/dT represents the heat capacity of saturated
liquid Cg, and {dH/0T)p is defined as heat capacity of liquid at constant pressure,
Cp. Therefore Equation (B-10) gives the desired equation

..oV dP
CSL= Cp- I(-a-fﬁp (—dT) (B-11)



