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David Michael Austgen Jr., Ph.D.
The University of Texas at Austin, 1989

Supervising Professor: Gary T. Rochelle

A physico-chemical model was developed for representing liquid phase
chemical equilibria and vapor-liquid (phase) equilibria of HyS-CO»-alkanolamine-
water systems. The equilibrium composition of the liquid phase is determined by
minimization of the Gibbs free energy. Activity coefficients are represented with the
Electrolyte-NRTL equation treating both long-range electrostatic interactions and
short-range binary interactions between liquid phase species. Vapor phase fugacity
coefficients are calculated using the Redlich-Kwong-Soave Equation of State.

Adjustable parameters of the model, binary interaction parameters and
carbamate stability constants, were fitted on published binary system (alkanolamine-
water) and ternary system (H»S-alkanolamine-water, COz-alkanolamine-water) VLE
data. The Data Regression System of ASPEN PLUS, based upon the Maximum

Likelihood Principle, was used to estimate adjustable parameters. Ternary system
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measurements used in parameter estimation ranged in temperature from 25 to 120°C,
in alkanolamine concentration from 1 to 5 M, in acid gas loading from 0 to 1.5 moles
per mole alkanolamine, and in acid gas partial pressure from 0.1 to 1000 kPa.

Maximum likelihood estimates of ternary system HaS or CO, equilibrium
partial pressures and liquid phase concentrations were found to be in good agreement
with measurements for aqueous solutions of monoethanolamine (MEA),
diethanolamine (DEA), diglycolamine (DGA), and methyldiethanolamine (MDEA)
indicating that the model successfully represents ternary system data. Without fitting
additional parameters on quaternary system VLE data (H2S-COz-alkanolamine-
water), maximum likelihood estimates of HaS and CO; equilibrium partial pressures
and liquid phase concentrations were found to be in satisfactory agreement with
quaternary system measurements for all alkanolamine solutions of interest.

The model was extended to represent CO; solubility in aqueous mixtures of
MDEA with MEA or DEA. In support of this effort, the solubility of CO3 in aqueous
mixtures of MDEA with MEA or DEA was measured at 40 and 80°C over a wide
range of CO2 partial pressures. These measurements were used to estimate additional
binary parameters of the mixed solvent systems. Representation of the data by the

model was seen to be good, especially at industrially important acid gas loadings.
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Chapter One

Introduction to Gas Treating with

Aqueous Alkanolamine Solutions

L1 Add G I Gas Treati

Acid gases, primarily HS and CO,, are components in a variety of sour gas
mixtures including natural gas, synthesis gas, flue gas, and various refinery streams. In
addition, CO, is a by-product of ammonia and hydrogen manufacture. Normally, HaS
must be nearly completely removed from a gas stream due to its toxicity and
corrosiveness, and to avoid catalyst poisoning in refinery operations. For example, the
maximum concentration of HS permitted by pipeline specifications in natural gas is
often 4 ppm by volume (Astarita et al., 1983). CO3 is removed from natural gas
because it acts as a diluent, increasing transportation costs and reducing the energy
value per unit volume of gas. COjy is separated from reformer product gas in the
production of ammonia because it poisons synthesis catalyst in the ammonia converter.
More recently, CO; has been recovered for use in enhanced oil recovery. The process
of separating acid gases from source gases is commonly referred to as Gas Treating,
Acid Gas Removal, or Gas Sweetening.

H2S or CO2 concentrations in the above mentioned gases vary widely,
constituting from several parts per million to 50 percent by volume of the host gas

stream. Cleanup specifications also vary widely depending on the process and nature



of the impurity. Astarita et al. (1983) provide a more complete suinmary of major
industrial processes that require gas treating as well as common cleanup specifications

required by these process.

12 Gas Treating by Absorption/Strioi

1.2.1 Chemical Solvents: Agqueous Solutions of Alkanolamines

Aqueous solutions of alkanolamines are widely used in absorption/stripping
operations to separate HyS and CO; from source gas streams. Absorption/stripping of
acid gases with aqueous alkanolamine solvents is characterized as mass transfer
enhanced by chemical reaction; following absorption into the aqueous solution the acid
gases react either directly or through an acid-base buffer mechanism with the
alkanolamines to form nonvolatile ionic species. Mass transfer of acidic gases from the
bulk gas to a bulk liquid phase in which chemical reaction occurs, such as an aqueous

alkanolamine solution, can be described as follows (Astarita, 1967):

(1)  Diffusion of one or more acidic gas components from the bulk gas phase
to the gas-liquid interface followed by absorption (dissolution) into the
liquid. Physical equilibria is normally assumed for molecular species at
the gas - liquid interface.

(2) Diffusion and convection of the reactants from the gas - liquid interface to
the bulk liquid phase.

(3) Occuring simultaneously with mass transfer, reaction between the
dissolved gas and the liquid reactant in the liquid phase.

(4) Diffusicn of the reaction products into the bulk liquid phase due to
concentration gradients created by the chemical reactions.



The use of aqueous alkanolamine solutions for gas treating results in two
important affects that make these solutions preferable to physical solvents for acid gas
absorption. First, the presence of an alkanolamine drastically affects the solubility of
an acid gas in water. Acid gases in the vapor phase come to equilibrium (phase) with
the unreacted molecular form of the same acid gas in water. That is, at equilibrium, the
solubility of a unreacted acid gas in an aqueous solution containin g a reactive solvent is
governed by the partial pressure of that gas above the liquid. If the gas reacts in the
aqueous phase to form nonvolatile products, then additional gas can be solubilized at a
given acid gas partial pressure. As a result, alkanolamines significantly enhance the
solubility of acid gases in the aqueous phase.

Alkanolamines also significantly affect the rates of absorption of acid gases into
aqueous solution. When an acid gas is absorbed into aqueous solution it is partially
consumed by chemical reaction so that its concentration in the bulk liquid remains low.
Since the driving force for mass transfer is the difference between the concentration of
the gas in the liquid at the gas-liquid interface and the concentration of unreacted acid
gas in the bulk liquid phase, chemical reaction results in a higher driving force for mass
transfer than would exist if no chemical reaction occurred. This, of course, results in a
greater rate of mass transfer. Moreover, chemical reactions can lead to absorption rate
enhancement beyond that due to the increased levels of the driving forces between the
bulk gas and bulk liquid phases. Chemical reactions can create very steep gradients in
the concentration profiles of the absorbing species in the liquid at the gas-liquid
interface. This further enhances the rate of absorption of the acid gases into the

aqueous solution.



1.2.2 Physical Solvents

Acid gases are also separated from source gases in absorption/stripping
processes using polar organic solvents that do not react with the acid gases. This
separation process is often referred to as gas treating by physical absorption. It is
based on the ability of certain organic solvents to preferentially solubilize acid gases
from a source gas. Kohl and Riesenfeld (1985) provide a thorough discussion of
commercial processes employing this technology. Physical absorption processes are
generally applied when acid gas partial pressures are high and acid gases constitute a
substantial fraction of the host gas, providing large driving forces for mass transfer.
The advantage of a physical process is that, unlike processes employing reactive
aqueous alkanolamine solutions, the physically dissolved acid gases can be stripped
from solution by reducing the acid gas partial pressure without a significant application
of heat. While physical organic solvents play an important role in gas treafing, this
work is concerned with separation of acid gases using aqueous based chemical

solvents.

1.2.3 Process Flow Shect

A simplified flow schematic of a typical gas treating operation which employs
an aqueous alkanolamine solution in absorption/stripping is shown in Figure 1.1. A
sour gas containing HzS and/or CO», among other possible acid gases, is introduced at
the bottom of an absorber where it rises and countercurrently contacts an aqueous
alkanolamine solution that is introduced at the top of the absorber at approximately

40°C. The pressure of the absorber varies widely depending on the gas stream being
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Figure 1. Simplified absorption/stripping system for the removal of acid gases.

treated. The amine solution selectively absorbs the acidic components from the sour

gas to produce a sweet produ~* gas. The alkanolamine solution rich in absorbed acid

gases is pumped through heat exchangers where its temperature is raised. It is then

introduced at the top of a stripper where it countercurrently contacts steam at an elevated



temperature, approximately 120°C, and reduced pressure. The steam, produced in a
reboiler, provides the energy necessary to reverse the reactions of the acid gases with
alkanolamine thus increasing acid gas partial pressure. It also simultaneously strips the
acid gases from solution. The lean alkanolamine solution is then pumped through the
heat exchanger, where it is cooled, and then reintroduced at the top of absorber. Both

trayed and packed towers are used in gas treating applications.

1.2.4 Commercially Important Alkanolamines

Alkanolamines are characterized as containing both hydroxyl groups and amino
groups. The hydroxyl groups serve to reduce vapor pressure and increase water
solubility while the amino provides the necessary alkalinity in aqueous solution to react
with acid gases (Kohl and Riesenfeld, 1985). Structural formulas for several
commercially important alkanolamines are presented in Figure 1.2

Monoethanolamine (MEA), a primary amine, and diethanolamine (DEA), a
secondary amine, have been the most widely employed gas treating alkanolamine
agents during the last several decades (Kohl and Riesenfeld, 1985). Other
commercially important alkanolamines include diglycolamine, DGA, and
methyldiethanolamine, MDEA.

MEA, DEA, and DGA react rapidly with both H,S and COg2 in the aqueous
phase. HjS is a Bronsted acid and alkanolamines are Bronsted bases. Hence, HpS
reacts with all alkanolamines in the aqueous phase through a very fast proton transfer
mechanism. This reaction is essentially instantaneous with respect to mass transfer

(Astarita et al., 1983). MEA, DEA, and DGA, like other primary and secondary
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Figure 1.2 Structural formulas for several alkanolamines used in gas treating,.

amines, react directly with CO; primarily to form carbamates of the respective amines.
This is a rapid, but finite rate, reaction.
Because of the absorption rate enhancement effected by MEA, DEA, and DGA

in aqueous solution, these solvents allow for removal of all but trace quantities of HpS



and for removal of all but a minor fraction of the COy. Therefore, they are used in
applications wherein it is necessary to remove the bulk fraction of HpS and CC; from a
gas stream to very low levels. The drawback of using either MEA, DEA, or DGA for
gas treating is that the reactions between these amines and HpS or CO, are highly
exothermic (see Table 1.1). As a result, gas treating applications employing aqueous
alkanolamine solvents require a substantial input of energy in the stripper to reverse the
reactions and strip the acid gases from solution.

When H2S and CO; are both present in a gas stream, such as natural gas, it
may or may not be desirable to remove all or most of the CO together with the HaS.
When it is not necessary to remove the major fraction of CO, from a gas stream, a
substantial reduction in consumption of reboiler steam for stripping and a reduction in
solvent recirculation rates can be realized if HS can be selectively absorbed (Astarita et
al., 1983). Moreover, selective absorption allows the use of smaller Claus sulfur
recovery plants and Claus tail-gas plants because less CO; accompanies HS into these
plants.

In recent years, methyldiethanolamine (MDEA) has come into favor as a gas
treating agent (Jou et al., 1982; Kohl and Riesenfeld, 1985). MDEA reacts rapidly
with H3S through the aforementioned proton donor mechanism. However, as a tertiary
amine, it cannot react directly with CO; to form a carbamate anion. This is the primary
mechanism by which MEA, DEA, and DGA react (rapidly) with CO;. MDEA reacts
with COy in an acid-base buffer reaction primarily to produce bicarbonate. However,
CO2, a Lewis base, must first react with water by a slow chemical reaction (hydrolysis)
to form carbonic acid which then dissociates to produce bicarbonate ion. This reaction

is substantially slower than either the formation of



Table 1.1 Heats of reaction for H2S and CO; reactions with common alkanolamine.
(From Kohi and Riesenfeld, 1985).

Acid Gas Amine AHrxN (kcﬂlgmol gas)
HoS MEA 15.5
HsS DEA 9.66
HsS DGA 12.7
COy MEA 20.2%
COy DEA 16.0
COy DGA 20.8
COy MDEA 11.6

—_—
* Calculated for 0.4 mole of CO3 per mole of MEA.

carbamate by MEA, DEA, or DGA or the reaction of an amine with H3S (Astarita et al.,
1983).

Because MDEA reacts much faster with HpS than with COay, it is often used for
selective removal of H,S from a gas stream containing both acid gases. Selective
separation of HpS in a gas stream that contains both HyS and CO, is achieved by sizing
the absorber for a contact area that allows most of the HaS to be absorbed and reacted,
but is insufficient for a significant fraction of the CO5 to be absorbed and reacted.
Indeed, solvents exhibiting kinetic selectivity towards HjS, like MDEA, are capable of

reducing H2S concentrations to as low as 4 ppm by volume in treated gas while

D



allowing the major fraction of CO; to slip through the absorber with the treated gas
(Kohl and Riesenfeld, 1985).

Because MDEA cannot react with CO5 to form a carbamate species, its heat of
reaction with CO, is substantially lower than that of MEA, DEA, or DGA as shown in
Table 1.1. This also makes it useful for gas treating applications that require absorption
of a large quantity of COj. That is, the use of an aqueous MDEA solution as an
alternative to aqueous MEA, DEA, or DGA solutions for bulk COy removal results in a
reduction in energy required for stripping. The drawback of using MDEA for bulk
CO2 removal is that, as noted previously, it reacts relatively slowly with CO2. To
effect the same level of CO; removal, an MDEA application requires a greater number
of trays, or a greater height of packing, in the absorber or desorber than does an MEA,
DEA, or DGA application.

Recent research (Chakravarty et al., 1985; Critchfield and Rochelle 1987, 1988;
Katti and Wolcott, 1987) suggests that a small amount of a primary or secondary
amine, such as MEA or DEA, can be added to an aqueous MDEA solution to promote
or enhance the absorption rate of CO, without significantly affecting the steam stripping
requirements. Critchfield and Rochelle (1987, 1988) discuss the interactive mass
transfer and equilibrium mechanisms by which MEA or DEA can significantly enhance
the absorption rate of CO; into an MDEA based solvent mixture. The amount of MEA
or DEA added to an aqueous MDEA solution must be determined by balancing the
capital savings due to the use of smaller absorbers permitted by enhanced rates of
absorption, with increased stripping costs due to the greater heats-of-reaction of the

promoters with COy, and with the relative costs of the amines.
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Design of gas treating absorption/stripping systems by the traditional
equilibrium stage approach requires knowledge of the vapor-liquid equilibria (VLE)
behavior of the aqueous acid gas - alkanolamine system. Moreover, the equilibrium
solubility of the acid gases in aqueous alkanolamine solutions (ie. the capacity of the
solution for acid gases) determines the minimum circulation rate of the solution to treat
a given sour gas, and it determines the maximum concentrations of the acid gases
which can be left in the regenerated solution in order to meet the product gas
specifications.

A large body of experimental vapor - liquid equilibria data for aqueous acid gas
- alkanolamine systems has been reported in the literature. The data is generally limited
to high acid gas loadings; little VLE is reported in the low acid gas pressure range
where it is perhaps most important (it is in this range that VLE determines the limitation
of sweet gas purity). Representation of experimental data with a thermodynamically
rigorous model is needed so that the design engineer can confidently and systematically
interpolate between and extrapolate beyond the available data. In addition, the
availability of a thermodynamically rigorous model can result in the reduction of
experimental effort required to characterize the VLE behavior of systems for which no
data have been reported. This is especially important for mixed amine systems which
have an additional degree of freedom (ratio of amine concentrations). Unfortunately,
process simulation and design of gas treating systems has been hindered by our

inabilility, until recently, to satisfactorily represent the thermodynamic properties of
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concentrated aqueous electrolyte solutions. As a result, design calculations have often
been based upon empirical methods.

Fortunately, several semi-empirical excess Gibbs energy models and/or activity
coefficient models for aqueous electrolyte systems, valid to ionic stren gths
representative of those found in industrial applications have been recently developed.
Among them are the models of Pitzer (1973), Meissner and Tester (1972), Bromley
(1973), Cruz and Renon (1978), Ball et al. (1985), Chen et al. (1982, 1986), and
Christensen et al. (1983). Sander et al. (1986) developed an excess Gibbs energy
model to represent the salt effect on the VLE of mixed solvent systems. Mock et al.
(1986) extended Chen's model to represent the salt effect on mixed solvent VLE. Chen
and coworkers (Scauflaire et al., 1989) completed this extension to represent activity

coefficients of both ionic and molecular species in mixed solvent systems.

1.3.1 Chemical Equilibria and Phase Equilibria

Both acid gases and alkanolamines are weak electrolytes. As such they partially
dissociate in the aqueous phase to form a complex mixture of nonvolatile or moderately
volatile solvent species, highly volatile acid gas (molecular) species, and nonvolatile
ionic species. Thermodynamics provides a framework for representing the physical
and chemical equilibria of a weak electrolyte system.

The chemical and physical equilibria of a weak electrolyte system such as the
acid gas - alkanolamine - water system are illustrated in Figure 1.3, adapted from the
work of Edwards et al. (1978). In a closed system at constant temperature and

pressure, physical equilibria governs the distribution of molecular species (including
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Figure 1.3 Chemical and Physical Equilibria in a closed aqueous weak electrolyte
system.

electrolytes) between the liquid phase and the vapor phase. This is indicated by the
vertical arrows. In the liquid phase, basic alkanolamine reacts with acidic COy and
H3S, either through an acid-base buffer mechanism, or through direct reaction of CO,
with alkanolamine, to produce a number of ionic species. Chemical equilibria between
molecular electrolytes and ionic species in the liquid phase is indicated by horizontal
arrows. As suggested by Figure 1.3, physical and chemical equilibria are highly

coupled in this system. That is, the partial pressure of an acid gas in the vapor phase
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influences the degree of dissociation of the weak electrolytes in the liquid phase and
vice-versa.

Representation of the VLE behavior of acid gas - alkanolamine -water systems
is complicated by the large number of chemical reactions which occur in the system.
These reactions result in highly nonlinear solubility behavior. Representation of
equilibria in the acid gas - alkanclamine - water system, therefore, requires that both
Dhysical and chemical equilibria be accounted for in a thermodynamically rigorous
manner. For engineering applications such as design and simulation, this suggests that
a useful model of VLE for the acid gas - alkanolamine - water system will be
formulated in such a way that the equations governing chemical equilibria can be solved
in an efficient and reliable manner. In addition, activity coefficients must be
represented with an activity coefficient model (or excess Gibbs energy model) that is

valid for electrolyte solutions to high ionic strengths.

1.4 Rate-based Simulati I Desi

One of the drawbacks of the conventional equilibrium stage approach to the
design and simulation of absorption and stripping is that, in practice, absorbers and
strippers often do not approach equilibrium conditions. This is especially true for those
applications involving mass transfer with simultaneous chemical reaction, including
acid gas treating. The actual separation that is achieved is limited by finite rate mass
transfer and kinetic processes that occur on any stage. Stage efficiencies are generally

low and difficult to predict a priori. For example, Kohl and Riesenfeld (1985)
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approximate Murphree vapor efficiencies on a given stage at from S to 15 percent for
the absorption of CO5 by aqueous DEA solutions.

Recent research (Hermes and Rochelle, 1987; Sivasubramanian et al. 1985;
Katti and Langfitt, 1986) suggests that a better approach to simulation of
absorber/stripper models for mass transfer operations enhanced by chemical reaction is
by the use of mass and heat transfer rate-based (nonequilibrium) models. These
models account explicitly for finite rates of mass and heat transfer and chemical
reaction. However, phase and chemical equilibria continue to play an important role in
a rate based model. Generally, physical equilibrium is assumed to exist at the gas-
liquid interface and the bulk liquid solution is assumed to be in a state of chemical
equilibrium. Indeed, these assumptions define the boundary conditions for the partial
differential equations describing mass transfer with chemical reaction. Physical and
chemical equilibria models are, therefore, necessary and important components of a

rate-based model.

15 Obiecti ! S { this Worl

The objective of this work was to develop a VLE model that represents HaS
and/or CO; solubility data reported in the literature for aqueous solutions of MEA,
DEA, DGA, and MDEA in the industrially relevant ranges of temperature, 25 - 120°C,
alkanolamine concentration, 1.0 - 5.0 kmol m3, acid gas loadings, 0 - 1.0 moles acid
gas per mole of alkanolamine, and acid gas partial pressures, 0.1 to 1000 kPa. In light
of recent efforts to employ mixtures of MDEA with MEA or DEA for bulk COy

removal, extension of the VLE model to represent the solubility of CO; in these
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mixtures was also included within the scope of this work. Unfortunately, no data have
been published in the literature reporting the solubility of CO3 in mixed amine
solutions. This made it impossible to either validate the model for mixed amine
systems and/or to estimate unique adjustable parameters of model for mixed amine
systems from experimental data. Therefore, in support of the modeling effort, a second
objective of this work was to measure the solubility of CO3 in mixtures of MDEA with
MEA and DEA over a wide range of temperatures and acid gas loadings to provide data
for estimating adjustable parameters specific to mixed amine systems and for validation
of the extended model.

Finally, an implicit objective of this work was to make the model
thermodynamically rigorous so that it could be used with confidence to calculate the
equilibrium distribution of species, molecular and ionic, in the highly nonideal liquid
phase. This, it was felt, would make the equilibrium model useful in the context of a
rate-based model for speciation of the bulk liquid phase. Moreover, the application of
thermodynamically rigorcus relations and thermodynamic functions valid for electrolyte
solutions to high ionic strengths will facilitate extension of the model to represent the
solubility of CO2 and H2S in new alkanolamine mixtures with a minimum expenditure
of experimental effort.

The main contribution of the model is improved representation of activity
coefficients in the liquid phase using Chen's Electrolyte-NRTL model (Scauflaire et al.,
1989). This is a generalized excess Gibbs energy model that treats both long-range
electrostatic interactions between ions and short-range interactions between all liquid
phase species, molecular and ionic. It has been validated to ionic strengths

representative of those found in industrial applications of acid gas - alkanolamine

16



systems (Chen et al., 1982; Chen and Evans, 1986). Adjustable parameters of the
Electrolyte-NRTL equation were estimated from experimental VLE solubility data
reported in the literature and from measurements of CO, solubility in mixtures of

MDEA with MEA or DEA made in this work.

17



Chapter Two

Thermodynamics of Weak Electrolyte Solutions

with Applications to the H,S-CO,-alkanolamine-H,0 System

The present chapter is included to introduce the reader to some of the
thermodynamic concepts that have been applied in this work to model the vapor-liquid
equiiibria of the weak electrolyte system - H3S-CO2-alkanolamine-Hp0. It is not
intended to be a thorough review of the thermodynamic principles of weak electrolyte
systems. It simply provides the reader with a brief review of relations between
chemical potential, fugacity, activity coefficients, and excess Gibbs energy functions
especially as they relate to weak electrolyte systems. An understanding of these
chemical thermodynamic variables and the relationships between them, as well as an
understanding of the concept of reference state or standard state in relation to these
variables, is essential for research involving chemically reacting, multicomponent,
multiphase systems. All of the information contained herein can be found in various
thermodynamics textbooks (see for example, Prausnitz et al., 1986; Denbigh 1981;
Smith and Van Ness, 1975; Prausnitz and Chueh, 1968). It is hoped that the chapter
will provide a convenient reference for use with the Chapters Three and Four which are
a review of the literature and summarize the modeling approach and thermodynamic
functions adopted in this work respectively.

Perhaps most importantly, this chapter is included to facilitate reproduction of

the model in the event that such a task is ever undertaken. Much of the thermodynamic
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data reported in the literature for the systems of interest in this work are based on the
molality scale. Because the mole fraction scale was adopted for expressing
concentrations in this work, it was necessary to convert thermodynamic data based on
the molality scale to equivalent data based on the mole fraction scale. The equations
necessary for making these conversions are developed within this chapter. In addition,
equilibrium constants governing the dissociation of protonated alkanolamines that are
reported in the literature are based on different standard states than those adopted here.
Hence, it was necessary to adjust the pertinent equilibrium constants to the adopted
standard states. The equations necessary to convert the equilibrium constants to the

adopted standard state are also discussed herein.

21 Concentration Scales

For solutions of nonelectrolytes composed of substances which are liquid at
room temperature, the mole fraction is the measure of concentration most often applied.
However, the amount of a solid (including salts) or gas that is dissolved in a liquid is
often expressed in terms of moles per unit volume, typically as moles per liter,
molarity, or in terms of moles per kilogram solvent, molality. The use of molarity or
molality is generally a matter of convenience; for solutions with electrolyte
concentrations on the order of 1 molal, mole fractions are significantly smaller than
unity making calculations cumbersome.

However, with the extensive application of digital computers in engineering

practice today, the use of the mole fraction scale is no longer inconvenient. Moreover,
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because concentrations of the components of nonelectrolyte solvent mixtures are
normally expressed in terms of mole fractions in engineering practice, as in the use of
process simulators for example, it is practical to adopt the mole fraction scale for use
with solutions of electrolytes and highly volatile gases as well.

Finally, the mole fraction scale embodies a theoretical significance not
possessed by the other concentration scales; the entropy of mixing of an ideal solution
is proportional to sum of the products of the component mole fractions and the
logarithms of the component mole fractions. Also, for ideal solutions obeying Raoult's
law or Henry's law, the equilibrium partial pressure of any component above the
solution is directly proportional to its mole fraction in the solution, but is not directly
proportional to its molality or molarity, except for very dilute solutions.

In the VLE model to be described in Chapter Four, the mole fraction scale was
adopted for expressing concentrations. Because a significant amocunt of
thermodynamic data related to weak electrolyte systems, including for example,
equilibrium constants and Henry's constants, have been reported in the literature based
on other concentration scales, it was necessary to convert much of the data taken from
the literature to the mole fraction scale. To show how this was done, it is first
necessary to develop relationships between the concentration scales.

It is a simple matter to convert between mole fraction and molality. However,
conversion between either of these measures of concentration and a volume based
concentration scale, such as molarity, is more difficult because the latter varies asa
function of solution density, and therefore, as a function of temperature. Consider a
solution containing n; moles of solute and ny moles of solvent with a molecular weight

of Ms. The mole fraction of the solute is given by

20



x = —Bi @.1)
np + X nj
and its molality is expressed as
n; * 1000

mi = m (2.2)

where the summation is over all solutes. Dividing equation (2.1) by equation (2.2) we

obtain the following relationship between mole fraction and molality:

Xi M; * ng
— 2-
m - 1000 * (ng + 3, ny) 2.3)
Therefore, for a dilute solution in which ¥ n; << n,
M,
Xi =i 500 @4

For a solution with density p (gram cm-3), the concentration of a solute (in gmol cm3)

is given by

o — 1000 %p *n
"7 Ms*ng + IMj*n;

(2.5)

where M; is the molecular weight of solute i. Dividing equation (2.5) by equation (2.1)

yields the following relation between concentration and mole fraction:

ci _ 1000 * p * (ng + 3 nj)
Xj Ms*ng + Y M;j*n;

(2.6)

Therefore, for a dilute solution in which ¥ nj << ng

1000 *
cj = xi"‘—‘—Ms £ @7
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22 Conditi ¢ Equilibri

Consider a heterogeneous, closed system made up of two or more phases.
Each phase is treated as an open system within the larger closed system allowing mass
and heat transfer between the various phases. Neglecting surface effects and
gravitational, electric, and magnetic fields, at thermal and mechanical equilibrium we
expect the temperature and pressure to be uniform throughout the entire heterogeneous
closed system. Gibbs (1961) showed that at chemical equilibrium each species must
have a uniform value of chemical potential in all phases between which it can pass.

These conditions of phase equilibrium for the closed heterogeneous system can be

summarized as:
TI=T2=_="7n
Pl=PpP2=_ =pn
1 2 n .
l—l-i = ui = e = “.i 1 = l, 2, e, I (2-8)

where n is the number of phases and m is the number of species present in the closed

system. ; is defined by the equation

Hi = (ngGT)T,P,n#i (2.9)

G is the total Gibbs free energy of the open system (phase) and nj is the number of

moles of component i.
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2.2.1 Application of Phase Equilibria to Electrolyte Systems

In a closed vapor - liquid system containing both electrolytes and
nonelectrolytes, the electrolyte species will partially or wholly dissociate in the liquid
phase to form ionic species. However, unless the system temperature is very high,
vapor phase dissociation of the electrolyte components will be negligible. This
suggests that, in practice, it is necessary to apply equations (2.8) only to neutral
molecular species to determine the equilibrium distribution of components between the
vapor and liquid phases. Because ions will be present only in the liquid phase for
applications of interest in this work, equations (2.8) can be neglected for ionic species.
This is not to suggest that ionic species do not play an important role in phase
equilibrium calculations. Chemical equilibria, to be discussed later in this chapter,
governs the distribution of an electrolyte in the liquid phase between its molecular and
ionic forms. Since it is the molecular form of the electrolyte that comes to equilibrium
with the same component in the vapor phase, chemical equilibria significantly affects
phase equilibria and vice-versa. In addition, the presence of ionic species in the liquid
phase results in highly nonideal thermodynamic behavior that is manifest in activity

coefficients which depart significantly from unity.
2.2.2 An Alternate Expression of Phase Equilibrium
Chemical potential is a difficult thermodynamic variabie to use in practice, partly

because only relative values of this variable can be computed. Moreover, as the mole

fraction of a component approaches infinite dilution, its chemical potential approaches
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negative infinity. To overcome these difficulties, G. N. Lewis (Lewis and Randall,
1961) defined a new thermodynamic variable called fugacity, fj, which he related to the

chemical potential as

i - 0¥ =RTRL (2.10)

i
where . and £’ are arbitrary, but not independent, values of the chemical potential and
fugacity of component i for some chosen reference state. f; is the value of the fu gacity
for component i in a mixture. The difference in chemical potentials, y; - u?, is written
for an isothermal change between the arbitrary reference state and the actual state for
any component in the system. The ratio,t%-, is defined as the activity of species i, a;,
Lewis was able to show from equations (2?10) and (2.8) that an equivalent, and more
conveniently applicable, expression of phase equilibrium at constant and uniform

values of the system temperature and pressure is

f=f=.=p i = L2,.,m (1)

for all species of a system. Equation (2.11) has been widely adopted for phase
equilibrium calculations. However, the concept of chemical potential continues to be
used in the chemical literature, especially as it relates to chemically reactive systems
including electrolyte systems. Indeed, because of its relation to the Gibbs free energy,
chemical potential is the thermodynamic variable generally manipulated to determine the
equilibrium distribution of species in a chemically reacting system at constant
temperature and pressure (Gautam and Seider, 1979a,b; Smith and Missen, 1982).

In Chapter One, it was postulated that for weak electrolyte systems, both phase

equilibrium and chemical equilibrium must be considered in determining the equilibrium
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distribution of species between a vapor and liquid phase. Fugacity and chemical
potential are important thermodynamic variables in phase and chemical equilibrium
calculations. Both will be discussed further in the sections to follow, especially insofar
as they relate to other commonly employed liquid phase (solution) thermodynamic
variables including the activity, activity coefficient, and equilibrium constant. It is
liquid phase behavior that poses the most difficult challen ge to representation of VLE in
weak electrolyte systems. Relationships between these variables based on different

concentration scales and based on different standard states will also be explored.

23 E ions for the Chemical Potential

2.3.1 |Ideal Solutions, Nonideal Solutions, and the Activity Coefficient

A solution is defined to be ideal if the chemical potential of every species in the
solution is a linear function of the logarithm of its mole fraction. That is, a solution is

ideal if, for every component, the following relation holds:

Hi = W + RTlnx; (2.12)

where p.? is known as the standard state or reference state chemical potential of
component i. u? depends on temperature and pressure only (ie. reference state
temperature and pressure). Both Raoult's and Henry's laws can be derived from
equations (2.10) and (2.12) assuming that the vapor phase behaves as an ideal gas.

For a real solution, the chemical potential is not a linear function of the logarithm of the
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mole fraction. In order to preserve the form of equation (2.12) for real solutions, the

activity coefficient, ¥;, is defined such that

Bi = W + RTInxy (2.13)

where ¥ is a function of temperature, pressure, and composition of the solution. It is
emphasized that equation (2.13) should be viewed as a definition for the activity

coefficient. Comparing equations (2.10) and (2.13), it can be seen that

£ aj
po-oa 2.14)
i Xif? Xi

The definition of the activity coefficient from equation (2.14) is incomplete until a
reference state is specified and thus a value of u?. This can be accomplished by
identifying the conditions of temperature, pressure, and composition at which ¥;
becomes equal to unity. u?, then, is the chemical potential of component i at the
conditions at which ¥; is taken, by convention, to be unity.

To specify the conditions at which the activity coefficient of component i
becomes equal to unity, it is customary to adopt one of three primary conventions. The
first two of these are based on the fact that in a real solution, component i behaves
ideally both as its mole fraction, x;, approaches unity, leading to Raoult's law, and as
xj approaches zero, leading to Henry's law. The process of identifying reference states
at which the activity coefficients of all species in a solution become unity is referred to
as normalization. In the discussion to follow concerning normalization of activity
coefficients, a formalism has been adopted which is similar to that used by Denbigh

(1981).
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2.4_Standard State Conventions
2.4.1 Normalization Convention I

This convention leads to Raoult's law and is normally applied when all
components of the solution are liquid at the system temperature and pressure. For such
a system, all components are called solvents. The reference state for each solvent of the
solution is the state of the pure component at the system temperature and an arbitrary
reference pressure, often the system pressure or the vapor pressure of the component at
the system temperature. By Normalization Convention I, the activity coefficient of each
component approaches unity as its mole fraction approaches unity at the system

temperature and the system reference pressure. That i, for all components
Bs = WY + RTInx;ys (2.15)

Ys 21 as xg — 1 (2.16}

Since this normalization convention holds for all components of a solution, it is known
as the symmetric normaiization convention; activity coefficients normalized in this
manner are said to be symmetrically normaiized.

At the reference state implied by Convention I, the pure component, the
logarithm term in equation (2.15) vanishes. Therefore, u;’ is the chemical potential of
pure component i at the system temperature and the reference pressure. u? is also the
molar Gibbs free energy of pure component i at the system temperature and reference

pressure.

27



|
2.4.2 Normalization Convention II

This normalization convention leads to Henry's law and is usually applied when
some components of the solution are solids or gases at the system temperature and
pressure. For solutions of gases, Convention II is often adopted when the system
temperature approaches or exceeds the critical temperature of one or more of the
gaseous components of the solution but is well below the critical temperature of the
solvent (Prausnitz and Chueh, 1968). Systems of interest in this work (i.e. aqueous
solutions of HaS or CO2) can be characterized in this way.

The reference state for the solvent is different from the reference state for the
solutes adopted under Convention II. For the solvent, the reference state is the same as
that adopted under Normalization Convention I. That is, the reference state is taken to
be the state of the pure solvent at the system temperature and an arbitrary pressure,
usually the system pressure or the vapor pressure of the pure solvent. The reference
state for a solute is taken to be the hypothetical state of pure solute found by
extrapolating its chemical potential from infinite dilution in the solvent to the pure solute
(Denbigh, 1981) at the solution temperature and the reference pressure. Itis sometimes
referred to as the ideal dilute reference state. Fora binary solution, Convention II leads

to the following expressions for chemical potentials and activity coefficients

Il

Bs = K + RTInxs% Ys > 1 as x3 = 1 (2.17)

Mi = W) + RTlxy Y, > 1 as x — 0 (2.18)

where the subscripts s and i refer to solvent and solute respectively.  Following the

symmetric normalization convention, p.g is the chemical potential of pure solvent at the
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system temperature and reference pressure. However, u? is the chemical potential of
the pure solute in a hypothetically ideal solution corresponding to extrapolation of the
chemical potential from infinite dilution to the pure solute. Since solvent and solute
activity coefficients are not normalized in the same way, Convention II is known as the
unsymmetric normalization convention. The superscript, *, on the activity coefficient
for the solute is used to indicate that the activity coefficient of this solute approaches
unity as its mole fraction approaches zero. Activity coefficients which are normalized
unsymmetrically are related to the corresponding symmetrically normalized activity
coefficients in a binary solution in the following way (Prausnitz et al., 1986; also see
Van Ness and Abbott, 1979):

I - 2.19)

iIpurei

and

o i
Ly @20

where Hj s is, by definition

His = lm o @.21)
Xi—>0 ™1

Comparison of equation (2.21) with equation (2.14) reveals that Hj s is the reference
state fugacity of the solute. It is called the Henry's constant of solute i in solvent s.

Iividing equation (2.20) by (2.21) gives

Y _ His
F s 2.22)

Y
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Recalling that

*
im ¥y =1
xi—> 0

then, in the limit as x; approaches zero

im y =  His 2.23
5ot Bt &

Substituting equation (2.23) into (2.22) gives

oo ogm oy (2.24)
Y xij—>0

or
Yi o0
L=y (2.25)
S

and
Iny, = ly - Iny® (2.26)

where y‘i” is the symmetrically normalized activity coefficient of solute i at infinite

dilution in the solvent. Thatis

Y, = lm ¥ (2.27)

xi—o 0

For a multicomponent solution, consisting of a single solvent and multiple

solutes, equations (2.17) and (2.18) can be written as

Bs = Mg + RTInxg% s = 1 as x; — 1 (2.17)

*

k) + RTInx;v; Y, = 1 as Xi > 0 (2.28)
& xxy = 0
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where k refers to all other solute components (Prausnitz and Chueh, 1968). An
unsymmetrically normalized activity coefficient is then related to its symmetric

counterpart through following equation

Iny, = lny - Iny® (2.29)
where
¥ o= lm oy (2.30)
Xxi—> 0
xg =0

2.4.3 Normalization Convention III

As was mentioned earlier, the concentrations of solids, including salts, and
gases are often measured on the molality scale. Accordingly, activity coefficients of
these species are also often defined with reference to the molality scale. Again, for the
solvent, the reference state is taken to be the state of the pure solvent at the system
temperature and an arbitrary pressure, usually the system pressure or the vapor
pressure of the pure solvent. The activity coefficient of the solvent is then defined on
the mole fraction scale. Like Normalization Convention 11, the reference state for a
solute is taken to be the hypothetical state of pure solute found by extrapolating the
chemical potential of the solute from infinite dilution in the solvent to the pure solute
state at the solution temperature and the reference pressure. However, the reference
state chemical potential for the solute, piA, is specified differently under Normalization
Convention III. For a binary solution the activity coefficients of solvent and solute are

defined as
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Bs = K + RTInxgys s = 1 as xg o 1 (2.17)

mi= 1 +RThmyY 2 51 as m — 0 (2.31)

Again, u: is the chemical potential of pure solvent at the system temperature and
reference pressure. uiA is loosely referred to as the chemical potential of the solute in a
hypothetical solution of unit molality (Denbigh, 1981). That is, uiA is the chemical
potential of the solute in a hypothetically ideal solution when m; and ylA are both equal
to unity. Equation (2.31) can be generalized for multiple solute solutions in the same
way that this was done for activity coefficient normalized by Convention II leading to

equation (2.28).

2.4.4 Relation Between Activity Coefficients Based on Mole Fraction

and Molality Scales

The relationship between the activity coefficients for solutes defined in terms of
Normalization Conventions II and III can be determined by equating chemical potentials
as expressed by equations (2.18) and (2.31) and using equaticn (2.3) to relate mole
fraction to molality. This can be done because the actual chemical potential must be
independent of the concentration scale used. It is then easy to show that

(1000 * x;)
Ms i

Iny = Iny +In (232
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2.5 Chemical Equilibr

2.5.1 The Traditional Approach and Equilibrium Constants

In a chemically reacting system, the mole numbers, n;, are related to the extents

of R independent reactions, &;, by

ni = n + Zloij 3 i=1,2.,N (2.33)
J:

where Vjj is the stoichiometric coefficient of species i in reaction j, and n? is some
reference amount of species i. Equation (2.33) serves as a definition for &j which has
units of moles. Therefore, the Gibbs free energy, G, of the system can be transformed
from a function of temperature, pressure, and N mole numbers to a function of

temperature, pressure and R extents of reaction:

G = G(T, P, E.'l’ 52--.-, §R) (2-34)

The condition of chemical equilibria is found by minimizing G at constant temperature
and pressure with respect to the R independent extents of reaction. The first order

necessary conditions for a minimum in G are

3G .
( %, )bty = O i=12..R 2.35)

Using the chain rule for differentiation, ( %, )T P, Ejux can be expressed as

( )Tngk ;( )Tpnk#e—)gjk =1,2,..R (2.36)
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From equation (2.33)

(20

= vs 2.
3 & T Vi @37
Combining equations (2.35), (2.36), (2.37), and (2.9) finally gives
N
Y vijli = 0 i=1,2,..,R (2.38)

i=1

Equations (2.38) are the classical forms of the equilibrium conditions (Smith and
Missen, 1982). When appropriate expressions are introduced for the chemical potential
in terms of mole numbers, the nonlinear equations (2.38) can be solved, together with
N minus R independent linear mass balance equations, for the composition of the
system at equilibrium. If appropriate expressions are introduced for the chemical
potential in terms of extent of reaction variables, equations (2.38) can be solved for the
R extents of reaction at equilibrium. The composition of the system at equilibrium can
then be determined using equations (2.33).

For electrolyte solutions, chemical potentials are often written in terms of mole
fractions and unsymmmetrically normalized activity coefficients (Convention II,
equations (2.17) and (2.18)). For a system in which a single chemical reaction takes
place, substitution of equations (2.17) and (2.18) for pjin equation (2.38) for any
reaction j yields

N N

ZViu‘i’ + RTZvilnlei =0 (2.39)

i=1 i=1
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where the summations are over all N components of the system. The activity
coefficients of solvent species are symmetrically normalized in equation (2.39) while
the solute activity coefficients are unsymmetrically normalized. For generality, the
asterisk above the activity coefficient denoting unsymmetrically normalized activity
coefficients has been omitted from equation (2.39). Rearranging equation (2.39) gives
N
Il x® = -pr
i=1

vipd (2.40)

The right hand side is a function of temperature only at specified reference states for all
components. A thermodynamic equilibrium constant, based on the mole fraction scale -

Kx, can then be defined in the following way

RTInKy = - Zui kS = AGS @.41)

i=1
Equation (2.41) relates K to the N values of the reference state chemical potentials, u?.
AG? is known as the standard Gibbs free energy change of reaction at the specified
temperature T. Equation (2.41) indicates that for any reaction K is a function of
temperature only at the specified standard states for the participating components.

Combining equations (2.40) and (2.41) yields

Kx = II(vixpui (2.42)

aj, equation (2.42) can also be expressed as

Il

Using ¥ xi

Kx = II(aj)vi (2.43)
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Equations (2.42) and (2.43) represent the traditional approach to solving for the
composition of a system at chemical equilibrium. Each is a nonlinear algebraic equation
relating the standard state Gibbs free energy change of veaction to the activities of the
various species participating in the chemical reaction under consideration. One equation
of this type is written for each reaction occurring in the system. For a system
composed of N species and for which R independent chemical reactions can be written,
R equations of the form (2.42) or (2.43) and N minus R independent linear algebraic
equations, representing mass balances, must be solved simultaneously for the
composition of the system at equilibrium. |

This traditional approach to solving for the equilibrium composition of a
reactive system was not used in this work. The approach adopted here, however, is
completely equivalent to the use of equations (2.42) and (2.43), and will be discussed
atlength in Chapter Four. Of note at this time is that equilibrium constants defined by
equation (2.41) and taken from the literature play a central role in the adopted approach.
The purpose of the above discussion was to establish .a definition for the equilibrium
constant, Ky, and to show how it is related to other thermodynamic variables, in
particular, the mole fraction and activity coefficient. Later in Chapter Two, this will
aid in the development of relationships between equilibrium constants based on
different concentration scales and on different standard states. Such relationships are
important because equilibrium constants reported in the literature for any given reaction
may be based on a different concentration scale than that adopted, or based on different
reference states for the participating components than those adopted.

As noted earlier, concentrations and activity coefficients of solutes in electrolyte

solutions are also often based on the molality scale. Like activity coefficients
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normalized under Convention II, the activity coefficients of solute species normalized
by Convention IIT approach unity at infinite dilution. However, as noted previously,
the values of reference state chemical potentials of solute species calculated by the
Conventions II and III are different. If the molality based activity coefficient

convention is adopted, then equations (2.41) and (2.42) must be rewritten as

N |
RTInKp = - Zoi ud = ach (2.44)
=)
Km = IT(vim)vi (2.45)

where the superscript to the activity coefficient for solute species denoting
unsymmetrically normalized activity coefficients expressed on the molality scale has
been omitted for generality.

The equilibrium constant is often the only available thermodynamic data related
to the standard states of components in a reaction. If the traditional approach to solving
for the composition of a reacting system is adopted using equation (2.42) or (2.43),
then equilibrium constants reported in the literature can be used directly. However,
other approaches to solving for the equilibrium composition of a reacting system do not
employ equilibrium constants directly (Smith and Missen, 1982). As a result, it may be
necessary to determine a set of consistent standard state chemical potentials from
reported equilibrium constants. Such a procedure is necessary for the approach

adopted in this work. The details of the procedure will be described in Chapter Four.
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In aqueous solution, the extent of electrolyte dissociation is governed by

chemical equilibrium. Electrolytes that dissociate completely are referred to as strong

electrolytes. Electrolyte species which only partially dissociate in water are commonly

referred to as weak electrolytes.

2.6.1 Acid - Base Buffer Equilibria

The compounds of interest in this work are characterized as weak electrolytes:

H»S and CO2 are weak acid electrolytes and alkanolamines are weak organic base

electrolytes. These weak acids and weak bases partially ionize, or partially dissociate,

in aqueous solution. For the species of interest in this work, dissociation can be

expressed as
Water: 2H)0 & H30+ + OH"
Hydrogen Sulfide: HyO + HpS < Hz0* + HS-

Hydrogen Bisulfide: HyO + HS- < H30" + §=

Carbon Dioxide: 2H)0 + COp < H30% + HCOj3
Bicarbonate: HyO + HCO3" & H30" + CO3~
Protonated

Alkanolamine H)O + RRR'NH* ¢ H30%" + RRR'N

(2a)

(2b)

(20)

Qd)

(2e)

(2f)



In these equations RR'R"N is the chemical formula for the alkanolamine. R
represents an alkyl group, alkanol group, or hydrogen. Note that reactions (2a), (2b),
(20), (2¢), and (2f) are proton transfer reactions. As such, they occur very rapidly and
are often assumed to be instantaneous with respect to mass transfer. Reaction (24d),
representing dissociation of CO; proceeds by one of two alternate mechanisms (Astarita
et al., 1983). The first is a two step mechanism. COj reacts with water to form
carbonic acid (H2CO3). This is a slow reaction. Carbonic acid then dissociates to
bicarbonate by donating a proton to water. This is a fast reaction. The overall reaction
rate is slow relative to a simple proton transfer reaction. CO5 is also capable of reacting
directly with hydroxide ion, OH-, to form bicarbonate ion. This mechanism is believed
to be dominant at pH values greater than 8 (Astarita et al., 1983). The rate of this

reaction is also slow relative to proton transfer reactions.

2.6.2 Formation of Carbamate

In addition to its reaction with amines through an acid-base buffer mechanism,
CO2 may also react directly with many primary and secondary amines to form stable
carbamate species. Caplow (1968) first proposed a two-step zwitterion mechanism for

this reaction. This mechanism is reproduced here:

CO2 + RR'NH < RR'NH+*COO-

RR'NH*COO- + RR'NH & RR'NH+ + RR'NCOO- (2g)
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Blauhoff et al. (1984) were able to satisfactorily interpret absorption rate data for the
absorption of CO3 into DEA solutions in terms of this mechanism. Tertiary amines,
having no hydrogen on the amino nitrogen available for extraction, are unable to react
with CO3 to form carbamates. Sterically hindered primary and secondary amines,
possessing a secondary or tertiary carbon atom attached to the amino group, form
weakly stable carbamates (Sartori and Savage, 1983). Of the alkanolamines of interest
in this work, monoethanolamine (MEA), diethanolamine (DEA), diglycolamine (DGA),
and methyldiethanolamine (MDEA), the first three are known to form stable
carbamates.

While the equilibrium constants for reactions (2a) through (2f) have been
measured in the temperature range of interest, true equilibrium constants for the

formation of the carbamate of MEA, DEA, or DGA have not been accurately measured.

2.6.3 Relation Between Egquilibrium Constants Based on the Mole

Fraction Scale and the Molality Scale

Equilibrium constants governing the dissociation of weak electrolytes in
aqueous solution are customarily reported on the molality scale. Since Convention II
was adopted for use in this work, concentrations and activity coefficients are expressed
in terms of the mole fraction scale. Hence it was necessary to relate values of the
equilibrium constants reported on the molality scale to corresponding values of the
equilibrium constants expressed on the mole fraction scale. Using equations (2.42) and
(2.45), and the relation between molality and mole fraction, equation (2.3), the relation

between Ky and Ky can be developed.
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Consider, for example, the dissociation of hydrogen sulfide in water as
expressed by reaction (2b). If concentrations and activity coefficients are based on the
mole fraction scale in accordance with Convention II, then equation (2.42) can be used

to determine the composition of the aqueous phase at equilibrium:

* *

X130 X*HS~
Kems = (2.46)

X X *
H2S XH20
THss o0

Again, the superscript, *, on the activity coefficients of the solutes HS-, H30%, and
H3S, indicate that they are based on the mole fraction scale and that they approach unity
as the corresponding mole fraction of each solute approaches zero. The activity
coefficient of water approaches unity as its mole fraction approaches unity.

Similarly, if concentrations and activity coefficients are based on the molality
scale in accordance with Convention III, then equation (2.43) can be used to determine
the composition of the aqueous phase at equilibrium:

73130 Yﬁs-

- JH30 Mys-

m X A
HaS XH20
THas Yr0

Km, Hps 2.47)

The superscript, A, on the activity coefficients of the solutes HS-, H30%, and H3S,
indicate that they are based on the molality scale and that they approach unity as the
corresponding mole fraction of each solute approaches zero. The negative logarithm of
Kn, Hps is commonly known as the pKa of H5S.

The relation between Ky and Ky, for reaction (2b) can be found most easily at

the infinitely dilute state where all activity coefficients in equation (2.46) and (2.47) are
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defined to be unity. Using equation (2.4) for the relation between mole fraction and

molality for dilute solutions, it can be shown that

Kx = Km (7987) 248)

In terms of the logarithms of Kx and Ky, equation (2.48) can be written as

InKx = InKp - m(l—li,[s'o—o (2.49)

Equation (2.49) reveals that the difference between In Ky and In Ky, is the same at all
temperatures. While equations (2.48) and (2.49) were derived for an infinitely dilute
aqueous solution of Hj3S, they hold for all finite HyS concentrations. Similar
expressions can be derived for all other reactions (2a) through (2g).

In general, to convert the logarithm of an equilibrium constant for the
dissociation of an electrolyte in water from the molality scale to the mole fraction scale,

itis necessary to subtract In ( 11(\)4500 ) for each non-water component on the right hand

side of a stoichiometric expression and to add In ( lg,(l)so) for each non water

component on the left hand side of a stoichiometric expression.
The temperature dependence of logarithm of the equilibrium constant is often

reported as
InK = C; + CT + C3InT + C4T (2.50)

Edwards et al. (1975) show how this general expression is derived from fundamental
thermodynamic relationships. To convert a value of Km, reported in the form of
equation (2.50), to Ky, it is necessary only to adjust the value of Cj, using an equation

equivalent to (2.49). The same is true for the reverse process, converting Ky to K.
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2.6.4 Relation Between Egquilibrium Constants Based on Different

Standard States

Dissociation equilibrium constants for organic bases reported in the literature are
normally expressed on the molality scale. Hence, dissociation equilibria of protonated
weak organic bases such as alkanolamines, illustrated by reaction (2f), can be

expressed in terms of equation (2.47) as

Y
+
- DamMaiot Am 78D @.51)
Km.AmH MpARHF XHy0 oA '
YAmH+yH20

where Am and AmH+* refer to the amine and protonated amine species respectively.
The superscript, A, on the activity coefficients of the solutes indicate that they are based
on the molality scale and that they approach unity as the corresponding mole fraction of
each solute approaches zero. The negative logarithm (base 10) of K, Amp is known
as the pKa of the organic base alkanolamine. If concentrations and activity coefficients
are to be expressed on the mole fraction scale, Km' AmH €an be converted to Ig' AmH
using equation (2.49) so that

* *e
T am THz0+
-« (2.52)
AmH+ YH20

XAm *H30%
XAmH* XH30

Ky AmH =

where the asterisk superscript on the solute activity coefficients identifies that they are

unsymmetrically normalized in accordance with Convention II.
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In the context of a vapor - liquid equilibria model, it is most convenient to treat
an alkanolamine as a solvent, rather than as a solute, because it exists as a liquid at
relevant temperatures and pressures. That is, it is useful to normalize the activity
coefficient of an alkanolamine in the same way that the activity coefficient of water in is
normalized so that

Yam — 1 as x,,, — 1 (2.53)
This is the normalization convention adopted for alkanolamines in this work. By

adopting this normalization convention, a new dissociation constant can be defined as

*

' XAm xH30+ YAm YH30+
KX AmH = xAmH+ XHZO * (2.54)
yAmH"‘ quo
K can be related to Ky by dividing equation (2.54) by equation (2.52) so that
K, = Kylom (2.55)
Yam
Using equation (2.25) to relate yam to ‘Y:m yields
Ky = Kx y:m (2.56)

where Y:m is the symmetrically normalized activity coefficient of alkanolamine at
infinite dilution in water. The value of ‘Y:m can then be obtained from VLE data (TPx
or TPxy) for the binary amine-water mixture by extrapolation of the alkanolamine

activity coefficient to infinite dilution.



2.6.3 Single Solute Systems

Water is both a weak acid and a weak base. When a proton donating weak acid
like H3S is present in water, the water acts as a weak base and accepts a proton from
the acid to form a hydronium ion. However, the value of the equilibrium constant for
this reaction is very small. As a result, when a single weak acid electrolyte is present in
solution, the extent of dissociation is appreciable only at high dilutions of the solute. At
higher concentrations only a small fraction of the weak acid will exist in ionized form,
the major fraction of the acid remains in its molecular form. Similarly, when a weak
proton accepting base is present in water, the hydronium ion, formed by self-ionization
of water, acts as a weak acid and donates a proton to the base. Once again, the value of
the equilibrium constant for this reaction is very small. Asa result, when a single weak
base electrolyte is present in solution, the extent of protonation is appreciable only at
high dilutions of the base. At higher concentrations only a small fraction of the weak
base will exist in protonated form, the major fraction of the base remains in its

molecular form.

2.6.4 Multisolute Solutions

Aqueous mixtures of weak acid and weak base electrolytes behave drastically
different than single solute systems. When a weak acid and a weak base, like H»S and
alkanolamine, are present together in aqueous solution, the extents of the respective
dissociation reactions increase greatly. That this is true can be clearly seen in light of

the principle of mass action. Consider, for example, an aqueous solution of H»S and
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monoethanolamine (MEA). The primary dissociation/protonation reactions that occur

in this solution include

Ky ' 2H,0 © H30* + OH (2a)
Ka-H,s HyO + HyS & H30+ + HS- (2b)
Kb-MEA H30%+ HOCHsNH; © Hy0+HOCH;NH;  (2h)

Equilibrium phenomena for this system, and others like it, can then be viewed in the
following way. Reaction (2a) represents a restriction on the amount of hydronium ion
that may exist at equilibrium in aqueous solution. Because Ky is very much less than
unity, water self-ionizes only to an extremely limited extent. Thus, in an aqueous
solution of a single weak acid or a single weak base (characterized by equilibrium
constants K, << 1 and Kp << 1 respectively) very little of the acid or base dissociates.
However, when both the weak acid HpS and weak base MEA are present in solution,
hydronium ion produced by dissociation of HyS in reaction (2b) is consumed in
reaction (2h) for protonation of MEA., In this way, the weak acid electrolyte dissociates
in water to far greater extent in the presence of the weak base electrolyte, and the
fractions of the weak electrolytes existing in ionic form are substantially increased.

It should also be noted that this shift to the ionic forms reduces the
concentrations of the molecular or unreacted forms of the weak electrolytes in solution.
Since it is the molecular forms of the weak electrolytes that come to equilibrium with
the same species in the vapor phase, the equilibrium partial pressures of the weak

electrolytes in the vapor phase can be greatly reduced.
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2.6.5 Absorption of H2S and CO2 with Akanolamine Solutions

When an aqueous solution of alkanolamine is used to absorb H3S or COy
from a gas mixture, the absorbed acid gases exist primarily as ionic species in the
aqueous solution due to the resulting acid-base buffer reactions and the formation of
carbamates. This is true provided that the total acid gas concentrations do not
substantially exceed the amine concentration. As mentioned previously, it is the
unreacted (molecular) HS and CO; in the liquid phase which come to equilibrium with
the same components in the vapor phase. Therefore, at a given acid gas partial
pressure, the solubilities of HaS and CO; in all forms, molecular and ionic, are gr:ly
increased in an aqueous alkanolamine solution relative to the solubilities of these solutes
in pure water owing to the dissociation of acid gases and protonation of the
alkanolamines. This phenomena may also be viewed from the reverse point-of-view.
At a given apparent acid gas concentration (the composition assuming the electrolytes
do not dissociate) in an aqueous alkanolamine solution, the acid gas partial pressure in
equilibrium with the solution will be greatly reduced relative to the acid gas partial

pressure in equilibrium with pure water at the same liquid phase loading of acid gas.

27 Phase Equilibri

The condition of phase equilibrium in a multiphase system at constant and
uniform values of pressure and temperature is given by equation (2.11). This is
sometimes referred to as the isofugacity condition. For a two-phase vapor-liquid

multicomponent system, equation (2.11) may be expressed as
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Y¥ary=%ary i=1,2..N (2.57)

where lt\’:' and It\': are the fugacities of component i in the vapor mixture and liquid
mixture respectively, and y and x represent the mole fractions of all components in the
vapor and liquid phases respectively.

Equation (2.57) is of little value in practice unless the fiigacities can be related to
experimentally accessible state variables including T, P, x, y. The desired relation
between vapor phase fugacity and accessible vapor phase state variables is provided by
the fugacity coefficient, ¢. A similar relation for the liquid phase fugacity is provided
by the activity coefficient, y. Both of these relationships will be reviewed in the

discussions which follow.
2.7.1 Vapor Phase Fugacity

The vapor phase fugacity of each species in a mixture is related to its
concentration, yj, and the system pressure, P, through the fugacity coefficient

A
9i(T, P, v):

A

f;’ (T,P,y) = (f)\i(T, P, vy; P i = molecules (2.58)
where (& is defined as

3
A
% =57 2.59)
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At constant temperature and vapor phase composition, the fugacity coefficient of

component i, (Si('l‘, P, y), can be calculated using the following exact relation:

P
In ¢ = l-z_lT_f(BPl - WP 2.60)
0

where vj is the partial molar volume of species i in the gas mixture and R is the gas
constant. In the context of a vapor-liquid equilibrium model, it is most convenient to
calculate vapor phase fugacities using equations (2.58) and (2.60) and an equation of
state that adequately describes the volumetric behavior of the vapor phase over the
whole concentration range of interest. The equation of state would be used to represent

the pressurc dependence of v in equation (2.60).
2.7.2 Liquid Phase Fugacity

The liquid phase fugacity can also be calculated using an equation-of-state
approach. However, equations-of-state often do not satisfactorily descrite the
volumetric properties of condensed phases. In addition, volumetric data are usually not
available over the entire density range from zero pressure to the system pressure.
Therefore, an alternative method is usually adopted by which deviations from ideal
behavior are described in terms of excess functions (Prausnitz et al., 1986). The
activity coefficient, vi(T,P,x), which is related to the fugacity as shown by equation

(2.14) is the corresponding mole number derivative of the excess Gibbs energy. Using
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the activity coefficient, the fugacity of an component of a liquid solution can be

expressed as
’f‘l = . fOL s
i (,P,X = yT,P,x)x; i (D) i=molecule (2.61)

where t‘i’L(T) is some (arbitrary) reference fugacity. As discussed previously, for a
solvent, f‘s’L(T) is usually taken to be the fugacity of the pure liquid at the solution
temperature and at the specified reference pressure, often its vapor pressure at the

solution temperature, so that

1'
gm = T -i%)- = £(T) s = solvent (2.62)

where f5(T) is the pure component fugacity. If the reference pressure is specified to be

the saturation pressure of the solvent then f‘s’L(T) can be expressed in terms of the

fugacity coefficient as
2T = PAT) go(m) s = solvent 2.63)

where P:(T ) is the saturation (vapor) pressure at the system temperature and (pg(T) is
the fugacity coefficient of pure saturated vapor s (at equilibrium (pls(T) = (p:(T)) at the
system temperature and pressure P:(T). For many solvents (p(s)(T) is approximately
unity at temperatures of interest. Using equation (2.63) for the reference state fugacity,

the fugacity of a solvent in a liquid mixture is given by
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% PY = WTPOxPOM D  s=solvent (2.64)

where Ys(T, P, X) is symmetrically normalized so that Ys = 1 as xg — 1atthe
system temperature and the reference pressure.

A similar reference state fugacity is not convenient for a gaseous solute if the
system temperature exceeds the critical temperature for that solute as this requires
extrapolating the vapor pressure of the pure liquid i beyond its critical temperature. A
more convenient standard state for near critical or supercritical components was
suggested earlier by activity coefficient Normalization Convention II (or III). For

gaseous solutes it is common to adopt a reference state such that

f4T) = tim F‘—f& = ™M 2.65)
xi—>0 1 1§
Equation (2.65) is equivalent to equation (2.21). The reference fugacity defined here is
known as the Henry's law constant for component i in the solvent s. The advantage
gained by this reference state fugacity is that HPi:f(T) can be determined,
unambiguously, from experimental solubility data. The superscript Pref is meant to
indicate that H; g is to be evaluated at the reference pressure. Often, the reference
pressure for molecular solutes is chosen to be the vapor pressure of the solvent, Pg, at
the system temperature. Using equation (2.65) for the reference state fugacity, the

fugacity of a gaseous component in a liquid mixture can be expressed as

% (TP = ¥ e 0xEm i = solute (2.66)
1§ s = solvent
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%* A&
where ¥; (T, P, x) is unsymmetrically normalized so that Y, @ 1 as x; = 0and

all xp4i = 0.
2.7.3 The Pressure Dependence of the Liquid Phase Fugacity

The activity coefficient is a strong function of temperature and liquid phase
composition, but a weak function of pressure. At low and moderate pressures, the
effect of pressure on the activity coefficient can usually be neglected. However, at high
pressures, characteristic of some sour gas systems, the effect can be large and the
activity coefficient must corrected for pressure effects. If the reference state is defined
at a fixed pressure, P*f, this correction is given by the exact thermodynamic

relationship

olny; vi(T,P,x) 2.67

Cp ot = —RE 2.67)
where Vi(1',P,x) is the partial molar volume of component i at the system temperature
and liquid phase composition, x. Integrating this equation from the reference state

pressure to the system pressure gives

P

In%(T,P,0 = Iny(T, Pef,x) + J—L;{’T”é)- dp 2.68)

Prcf

The integral on the right hand side is known as the Poyating correction (Prausnitz et

al., 1986) and accounts for the effect of pressure on the activity coefficient. Hereafter,
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In ¥i(T, PO, x) will be denoted as In (T, x) for simplicity. Combining equations
(2.61) and (2.68) yields the following equation for liquid phase fugacity
P
E TP = W0 %) exp J-VLI{%E’Q- dP (2.69)
pref
If the reference pressure is specified to be the saturation pressure of the solvent at the
system temperature in a single solvent - single or multiple solute mixture, then f;’L(T) is
P:(T)(p(s)(T) for the solvent and HE:(’I‘ ) for each gaseous solute i.
Vi is often an unknown and complex function of composition and pressure.
When the system pressure is low and mixture conditions are far from critical, it is
common practice to equate the partial mclar volume of a solvent component to its molar
volume, vs (Prausnitz et al., 1980). Furthermore, because the concentration of a
gaseous component does not generally exceed a few percent in the liquid, it is also
common practice to equate the partial molar volume of a volatile gaseous component to
its partial molar volume at infinite dilution, v:°, at the system temperature and reference
pressure. Partial molar volumes at infinite dilution are convenient in this context
because they can be estimated from experimental solubility data or from semi-empirical
methods (Wilhelm, 1986). If vg and v;” are assumed to be independent of pressure
and composition over the pressure and composition ranges of interest, then equation

(2.69) then becomes

o - pref
L LPo = W(T 0 % P2 o3(T) expaEFT) 2.70)

for a solvent, and

53



Ve (P - Pref)

i

A.l *4 f ”~ -
fi TBY = %TOxH (1) exp——pgr— 2.71)

for a solute.
Alternatively, the system pressure can be adopted as the reference pressure for
all components of a solution. The standard state fugacities of the solvents and solutes

in a multicomponent mixture can then be expressed as

pref
04T, Prefy = POT) oo(T) exp f ) gp 2.72)
PO
for a solvent, and
pref
J V(T,P)
K = HYD) exp w—dP 2.73)
PO

for the solute. If the reference pressure is taken to be the system pressure and
equations (2.72) and (2.73) are used to express standard state fugacities, then the

pressure dependence of the activity coefficient is given by

olnyg vs(T,P,x) - vg(T,P) 2.74
( op )x,T : RT : ( )

for solvents, and

Vi(T,P,X - V“(TJ))
1

alny 2.
(‘Wl)x,r = RT @75)
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for solutes. Often the pressure corrections to the activity coefficients given by
equations (2.74) and (2.75) are very small, so that the activity coefficients can be
treated as independent of pressure. If the system pressure is adopted as the reference
pressure, vg and v‘i’° are assumed to be independent of pressure, and if all activity
coefficients are assumed to be independent of pressure, then equation (2.61) can be
combined with equations (2.72) and (2.73) to yield the following equations for the
liquid phase fugacity

o ref . po
¥(T, 2) x5 PY(T) (1) expre B - P 2.76)

Al
4 S (T9 P' E

for a solvent, and
_°°v, (pref - Po)
1

g ap < (T, x) x; HP™ 2
i TP = % (T, 0 % HP(T) exp—por @)

for a solute. Pref is the system pressure and PO is the saturation pressure of the solvent
at the system temperature. Note that equations (2.76) and (2.77) are almost identical io

equations (2.70) and (2.71).

2.3 Excess Gibbs Energy

2.8.1 Relation to Activity Coefficient and Chemical Potential

The excess Gibbs energy is defined as the Gibbs energy of a real solution
which is in excess of the Gibbs energy of an ideal solution at the same conditions of

temperature, pressure, and composition (Prausnitz et al., 1986):
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Gx = G - Gid (2.78)

where G is the total Gibbs energy of the solution at the temperature, pressure, and
composition of the real solution, and Gid is the Gibbs energy of an ideal solution at the
same conditions of temperature, pressure, and composition. The excess Gibbs energy,
G¢x, is a useful property in fluid phase thermodynamics because the partial molar
excess Gibbs energy of any species is directly related to the activity coefficient of the
same species.

The partial molar Gibbs free energy of component i, Ei , is defined as

- 0G
§ = (371‘, T.P.njxi 2.79)

Likewise, the partial molar excess Gibbs free energy of component i, giex, is defined as

3Gex
Eiex = (W)T’P-“J (2.80)

Comparison of equations (2.9) and (2.79) shows that the partial molar Gibbs free

energy is also the chemical potential of any component in solution. Using equations

(2.78), (2.79) and (2.80), the partial molar excess Gibbs free energy can be related to
the partial molar Gibbs free energy by

" y

C Che

= Ei - g (2.81)

where E;d is the partial molar Gibbs free energy of species i in an ideal solution. Since
the excess Gibbs free energy is a homogeneous function of the first degree in mole

numbers, Euler's theorem provides for the following relation:
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gex = in g (2.82)

Using equations (2.9), (2.12), (2.13), (2.79), and (2.81) it can be shown that

d

& =MW - 1 = RThy (2.83)

where uid is given by equation (2.12). Furthermore, combining equation (2.82) and
(2.83) yields

gX = RT Y xilnvy; (2.84)
i

Finally, from equations (2.80) and (2.83) it can be shown that

RThhy = £ = (a—’sgﬁiei)mnj (2.85)
Therefore, activity coefficients of all species in a solution can be obtained by
differentiating the total Gibbs energy of the solution with respect to the corresponding
mole numbers.

For representation of liquid phase equilibrium behavior of fluid phase systems it
is advantageous to calculate activity coefficients from an expression for the molar
excess Gibbs free energy using equation (2.85). This approach assures that the activity
coefficients of all species obey the Gitbs-Duhem equation and are, therefore,
thermodynamically consistent. Expressions for the excess Gibbs energy usually
contain a number of empirical parameters related to interactions between constituent
species in the solution. Activity coefficients obtained by equation (2.85) will contain

the same empirical parameters. Often, these parameters can be evaluated from binary
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system VLE data. Thus, for a multicomponent system, it may be possible to obtain all
necessary parameters by analyzing VLE data for the constituent binary systems.
Application of excess Gibbs energy models which allow this approach, that of building
multicomponent solution parameters from the constituent binary systems, results in a
significant reduction in the experimental effort necessary to characterize the
thermodynamic behavior of a solution containing a large number of components.

The excess Gibbs energy is normally a strong function of temperature and
liquid phase composition and a weak function of pressure. At low to moderate
pressures it is common to treat the excess Gibbs energy as independent of pressure.
Indeed, most of the common algebraic expressions for the excess Gibbs energy include
no pressure dependent terms. In this case, the excess Gibbs energy reflects the excess
Gibbs energy at the system reference pressure as do the activity coefficients calculated
from it. The pressure dependence of the fugacity of any component is then treated by

equations (2.67) or (2.74) and (2.75).

2.8.2 Excess Gibbs Energy of Electrolyte Solutions

It is often assumed that the chemical potential of a molecule or ion in an
electrolyte solution can be expressed as the sum of different contributions. Dickerson
(1969) adopts this formalism in deriving the Debye-Hiickel (1923) limiting law activity
coefficient equation for electrolytes. In the simplest formulation, for example, the

chemical potential of any component in solution could be expressed as
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W= u1ideal + urilomdeal (2.86)

where uiideal includes the reference state chemical, u?, plus an entropic contribution

due to ideal mixing of the solution components, RT In x;, as given by equation (2.12).

The value of u? would depend, of course, on the convention selected for normalizing

activity coefficients. The nonideal component of the chemical potential includes

contributions from the nonideal effects of mixing, an entropic contribution, as well as a

enthalpic contribution resulting from interactions between components of the solution.
nonideal

Equation (2.86) can be viewed as a definition of j

i . Comparing equation
(2.86) with equation (2.83) shows that

ponideal _ 2% _ RTIny, (2.87)
Separation of the chemical potential into distinct contributions can be further
extended so that the nonideal contribution can, in turn, be written as the sum of separate
contributions related to different types of molecular interactions. For example, it may
be assumed that both long-range electrostatic forces between ions and short-range
forces between various ionic, polar, and nonpolar neutral species contribute to the

chemical potential in such a way that

i.deal Ir st

e N T (2.88)

where the superscripts Ir and sr refer to long-range and short-range contributions to the
chemical potential. Comparison of equations (2.83), (2.87), and (2.88) reveals that for
the assumed arbitrary splitting of the chemical potential

T (2.89)
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This suggests that the partial molar excess Gibbs energy can also be written as the sum

of separate contributions:
-g{,x - Eie:x Ir + Efx ST (2.90)
—ex Ir —€X ST

where g; andg are defined as long-range and shost-range contributions to the

i
partial molar excess Gibbs free energy of species i respectively. Using equations

(2.82) and (2.90) the molar excess Gibbs energy may be written as

gex - }: X EfXIr + }: X; giex ST 2.91)
. .

1

Equation (2.91), in turn, suggests that the molar excess Gibbs energy may be written
as the sum of separate contributions. In terms of the formulation presented here for an
electrolyte solution, g®X would be expressed as

gex - gex Ir + gex ST 2.92)

where gex Ir and gex ST

are long-range and short-range contributions to the mofar
excess Gibbs free energy respectively. Furthermore, since the partial molar excess
Gibbs energy is proportional to the logarithm of the activity coefficient, as expressed by
equation (2.83), the logarithm of the activity coefficient can also be expressed as the

sum of separate contributions
Ir ST
Inyi = In Yy + In Y (2.93)

where In 'y%r and In ‘yis T are defined as the long-range and short-range contributions to

the logarithm of the activity coefficient of species i.
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Equations (2.92) and (2.93) have been adopted by a number of researchers in
recent years as a starting point for the development of semi-empirical expressions for
the excess Gibbs energy and/or activity coefficients of the components of an electrolyte
solution. Many such developments are discussed in Chapter Three, so references are

omitted from this chapter.
2.8.3 Unsymmetric Excess Gibbs Free Energy

Expressions for the excess Gibbs energy are generally developed with respect
to symmetrically normalized activity coefficients. If the ideal dilute state is to be used
as the reference state for solutes leading to unsymmetrically normalized activity
coefficients, the excess Gibbs energy must also be normalized to reflect the standard
states of both solvent and solutes. The unsymmetric molar excess Gibbs energy, gex *

(Prausnitz and Chueh, 1968), is defined by

ex * *
e = xilny + Z xiln v (2.94)
all solvent all solute
components components

If the unsymmetrically normalized activity coefficients are expressed in terms of the
respective symmetrically normalized activity coefficients as given by equation (2.26),

then g% * can be rewritten as

ex * oo
S inln'yi + xi (n % - In y7) (2.95)

all solvent all solute
components components
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Using equation (2.84), the unsymmetrically normalized molar excess Gibbs energy can

be related to its symmetrically normalized counterpart:

ex * ex oo
T < BT - Xj ln 'Yi (2.96)
all solute
components

Note that when the activity coefficients are unsymmetrically normalized
g% 5 0 as x — 1 (2.97)

where s refers to solvents. Equation (2.97) does not hold for solute components.
2.9 Conclusions

At the outset of this chapter, it was stated that its purpose is to introduce the
reader to some of the thermodynamic concepts that have been applied in this work to
model the vapor-liquid equilibria of the weak electrolyte system - H2S-CO»-
alkanolamine-H20. To that end, it has been written primarily for those who follow in
this work or who might wish to apply the results of this work in practice. No attempt
has been made io provide a thorough review of the thermodynamic principles of weak
electrolyte systems. The chapter simply provides the reader with a brief review of
relations between chemical potential, fugacity, activity coefficients, and excess Gibbs
energy functions especially as they relate to weak electrolyte systems. As noted earlier,
an understanding of these chemical thermodynamic variables and the relationships
between them, as well as an understanding of the concept of reference state or standard
state in relation to these variables, is essential for research involvin g chemically

reacting, multicomponent, multiphase systems. Chapter Two may be viewed as a
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reference guide of sorts to be used with Chapters Three and Four which are a review of
the literature and summarize the modeling approach and thermodynamic functions
adopted in this work respectively.

As alluded to above, this chapter was included to facilitate reproduction of the
model in the event that such a task is ever undertaken. Because the mole fraction scale
has been adopted for expressing concentrations in this work, it was necessary to
convert thermodynamic data based on the molality scale that was taken from the
literature to equivalent data based on the mole fraction scale. The equations necessary
for making these conversions have been reviewed. In addition, equilibrium constants
governing the dissociation of protonated alkanolamines that are reported in the literature
are based on different standard states than those adopted here. Hence, it was necessary
to adjust the relevant equilibrium constants to the adopted standard states. The
equations necessary to convert the equilibrium constants to the adopted standard state
have also been reviewed.

Finally, it has been postulated that the chemical potentiai of any component in
solution can be arbitrarily divided into ideal and nonideal contributions. Furthermore,
for an electrolyte solution, the nonideal contribution can be arbitrarily divided into
separate contributions resulting from long-range electrostatic interactions between ions
and short-range van der Waals type interactions between various liquid phase species.
It has been shown that this arbitrary division of chemical potential into separate
contributions leads to a similar separation of contributions to the molar excess Gibbs
energy of an electrolyte solution. This discussion was pursued because such a division
of excess Gibbs free energy has been a common practice in recent years. Indeed, the

excess Gibbs energy function adopted in this work is based upon such a postulate.
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Chapter Three

Modeling VLE of Weak Electrolyte Systems

A Review of the Literature

11 E Gibbs Free E Models for Electrolste Soluti

Classical thermodynamics provides a framework for calculating the equilibrium
distribution of species between a vapor and liquid phase in a closed system through
equations (2.8) and through exact relationships relating the chemical potential to
accessible thermodynamic state variables. As discussed in Chapter Two for example,
thermodynamics provides a method for deriving consistent activity coefficients
according to the Gibbs-Duhem equation by appropriate differentiation of the excess
Gibbs energy function of a solution. The main difficulty has been to develop a valid
excess Gibbs energy function, taking into consideration interactions between all species
(molecular and ionic) in the system.

Empirical and semi-empirical excess Gibbs functions have been developed and
applied to nonelectrolyte solutions for many years with a high degree of success.
Prausnitz et al. (1986) discuss a number of the more popular excess Gibbs energy
functions valid for nonelectrolyte systems. However, because of the highly nonideal
behavior of electrolyte solutions, it has, until recently, been impractical in engineering

applications to either predict, or to represent with an empirical correlation, activity
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coefficients at electrolyte concentrations typical of industrial applications. The purpose
of section 3.1 is to review some of the most important developments in representation
of the excess Gibbs energy of an electrolyte solution during this century.

The difficulty in representing the excess Gibbs energy of an electrolyte solution
stems from the very long-range interactions between charged species in solution. Ata
microscopic level, the potential energy of ion-ion interaction varies as the inverse
distance between ions. The potential energy of dipole-dipole interactions (typical of
nonelectrolyte solutions with polar constituents) varies as the inverse distance to the
sixth power (Prausnitz et al., 1986). As a result, well established excess Gibbs energy
models for nonelectrolyte systems cannot be applied in a straight forward manner to
electrolyte solutions. McQuarrie (1976) shows that this is due to the fact that the
coulomb potential is so long ranged that the true many-body problem cannot be
decomposed into a series of two-body, three-body, etc., problems as is often done with
nonionic solutions.

The first significant advance in calculating activity coefficients in electrolyte
solutions was achieved by Debye and Hiickel (1923). By considering interionic forces
between point charges they developed a limiting law for expressing, in a predictive
manner, the excess Gibbs energy of a dilute electrolyte solution. Unfortunately, the
Debye-Hiickel limiting law is valid only to ionic strengths approaching 0.005 mol kg-1
(Horvath, 1985). An extended limiting law was also developed by Debye and Hiickel
by taking the finite sizes of the ions in solution into consideration. The extended
Debye-Hiickel equation was simplified by Guntelberg (1926), who assumed a common
ion radius of approximately 3 A, to yield the followin g expression for the excess Gibbs

energy of an electrolyte solution:
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where G®* is the excess Gibbs energy for a solution containing n,, kilograms of
solvent. Ay is the Debye-Hiickel slope; it is a function of solvent density, solvent
dielectric constant, and temperature. 1 is the ionic strength (mol kg-1), z; is charge of
ionic species i, and mj is the concentration (mol kg-1) of ionic species i. Both the
extended Debye-Hiickel and Guntelberg equations provide fair estimates of the mean
activity coefficient up to ionic strengths of 0.1 mol kg-1 (Horvath, 1985).

The Debye-Hiickel equation is based on fundamental equations of electrostatics
and thermodynamics. The limiting law and its various extensions have severely limited
ranges of applicability because of the simplifying assumptions that were adopted to
allow the derivation of analytical expressions for the activity coefficient. The adopted
assumptions are realistic only for extremely dilute solutions. Hence, the Debye-Hiickel
equation yields the correct activity coefficient behavior only for very dilute solutions of
electrolytes. Other attempts have been made to develop excess Gibbs energy functions
and/or activity coefficient equations based on more realistic assumptions (Gronwall et
al., 1929; LaMer et al, 1931; Bjerrum, 1926). Still other researchers have made
significant advances in recent years towards representing the equilibrium properties of
electrolyte solutions by application of developing statistical mechanical methods (see for
example Blum, 1975; Triolo et al, 1976; Planche and Renon, 1981; Kondo and Eckert,
1983; Ball et al.,, 1985a; Cabezas and O'Connell, 1986). However, these
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developments are difficult, as yet, to apply in engineering practice because of the
complexities embodied by the respective approaches and resulting representations.

For engineering applications, the most successful developments in
representation of activity coefficients of components in electrolyte solutions have come
from semi-empirical methods. The most popular practice in this direction has been to
combine the electrostatic theory of Debye-Hiickel with modifications or reformulations
of well-known equations for nonelectrolyte systems. Implicit in this approach is the
assumption that the thermodynamic properties of electrolyte solutions can be written as
the sum of two independent contributions, a long-range contribution due to electrostatic
or coulombic interactions between ions and a contribution representing various types of
short-range interactions between various (true) liquid phase species. This approach
also implies that at low electrolyte concentrations, the major contribution to solution
nonideality is from long-range electrostatic interactions while short-range interactions
between neutral molecules (including undissociated electrolytes) or between ions and
neutral molecules contribute most to solution nonideality in concentrated electrolyte
solutions (Cruz and Renon, 1978).

Guggenheim (1935) was one of the first to adopt this approach. He proposed a
model, based on the combination of an extended Debye-Hiickel equation, to account for
long-range ion-ion interactions, with a second order virial expansion term, to account
for various short-range forces between ions of opposite charge. Guggenheim's
equation for the excess Gibbs energy can be expressed as

Gex

4
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where m is ionic concentration in mol kg-1, and the subscripts C and A refer to cations
and anions respectively. The quantities B¢, are constants (at a given temperature),
analogous to second virial coefficients; they represent the net effect of various short-
range forces between the C cations and A anions (Pitzer, 1973). Guggenheim adopted
Bronsted's principal of specific interaction assuming that cations (anions) do not
closely approach other cations (anions) so that short-range interactions between ions of
like sign are negligible. Guggenheim and Turgeon (1955) determined values of B, for
a large number of electrolytes by regression of experimental data. They showed that
equation (3.2) couid be used to represent, within experimental error, data for 1-1
electrolytes in water at 0°C and at room temperature at concentrations up to
0.1 mol kg-1,

Scatchard (1939) extended the validity of Guggenheim's equation to higher
electrolyte concentrations by recognizing that the binary interaction coefficient, or
second virial coefficient, is a weak function of ionic strength. Lietzke and Stoughton
(1962) extended Guggenheim's equation by adding third and fourth virial coefficients
to the equation. They applied this extended equation to single electrolyte aqueous
solutions to salt concentrations as high as 6.0 mol kg-!. Scatchard (1961) and
coworkers (1970) further extended Guggenheim's equations in several ways. First,
the Debye-Hiickel term was subdivided into a series of terms with different coefficients
in 11/2 corresponding to different distances of closest approach for the solute
components. Secondly, the Bronsted principle of specific interaction was abandoned
and third and fourth virial coefficients were added. While these equations include
enough terms to represent experimental data accurately to high concentrations, they are

very complicated and not practical for engineering applications.
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Bromley (1972) developed a predictive formulation of Guggenheim's equation.
He showed that individual values of B could be assigned to ions rather than ion pairs

(by arbitrarily specifying the value of B for a reference ion) and that for ion pairs

B, = B, + B, (33)

Bromley then showed that there is a strong correlation between the individual ionic
values of B; and values of z;5,® where z; is the ionic charge and 5;0 is the value of the
standard state entropy of the ion at 298.15°K.

Bromley (1973) also developed a semi-empirical equation, similar to
Guggenheim's, for representing the mean activity coefficient of a single electrolyte or
mixed electrolytes in water. For a single salt solution, he proposed the following
equation for the mean molal activity coefficient:

Iy = <AX |z 24 | 11/2 , £0.06 +0.60B) lzczy | T
@ 1+ 1172 (1 + 1.5V lzcza|)2

+ BI (3.4)

This is an empirical extension of the Debye-Hiickel equation. Here B again represents
an jon-ion binary interaction parameter. Bromley approximated values of B by the
method he earlier developed for use with Guggenheim's equation (Bromley, 1972).
Bromley used equation (3.4) to represent experimentally measured activity coefficients
of 180 strong salts to ionic sirengtiis of 6 mol kg1 witii ar: average maximum error of
5.1%.

Stokes and Robinson (1548, 1973) studied the effects of ionic solvation and
hydration in concentrated electrolyte solutions. They developed a hydration-
equilibrium model that combined the Debye-Hiickel treatment of ion-ion interactions

with the idea that the species in solution are hydrated ions. In this treatmeat, they
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related the mean ionic activity coefficient to average ionic hydration number and to
molar volume. Stokes and Robinson (1972) demonstrated that the model provides
good quantitative representation of osmotic coefficients of strong, highly soluble
electrolytes up to concentrations of 20 to 30 mol kg-1.

In a series of papers Pitzer (1973; 1977; 1980) proposed an excess Gibbs
energy model that is based on a reformulation and extension of Guggenheim's
equation. From an improved analysis of the Debye-Hiickel model in the context of the
pressure equation of statistical mechanics (which yields the osmotic pressure of a
solution), Pitzer showed that there is a theoretically sound basis for the ionic strength
dependence of the short-range forces in binary interactions. In addition, he developed
an improved expression for the Debye-Hiickel term representing long-range ion-ion
interactions. Pitzer made iwo additional changes to Guggenheim's equation. He
included a third order virial term to account for short-range ternary interactions, and he
allowed for short-range like-ion interactions. Pitzer's general expression for excess

Gibbs energy is

%’I: = nw (D) + (%) Y z Aij(Dnin; + ( ﬁf) >y Z Hijkninjng
1] ik j
(3.5)

where n, is the number of kilograms of solvent and n;, nj etc., are the numbers of
moles of the ionic species i, j, etc. The function f/I) depends only on the ionic
strength, I, and represents, in essentially the Debye-Hiickel manner, the long-range
effects of Coulomb forces. The ?\,jj(I) and pjjk parameters are the effective second and
third order virial coefficients which represent, respectively, the effects of short-range

forces between ions considered two and three at a time; these coefficients were treated
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by Pitzer as adjustable parameters to be fitted on experimental osmotic coefficient or
activity coefficient data. The Hijk are functions of temperature but are independent of
ionic strength.

Pitzer's model has proven to be highly successful for representing equilibrium
behavior of aqueous strong electrolyte solutions. Pitzer and Mayorga (1973) used this
equation to represent experimental data, mostly osmotic coefficients, of 227 strong
aqueous electrolytes with one or both ions univalent. They were able to represent
experimental data, within experimental error, from dilute solutions to an ionic strength
of 6 mol kg-! in many cases. Pitzer and coworkers also successfully used the equation
to represent experimental osmotic coefficient and activity coefficient data for aqueous
solutions of 2-2 electrolytes (Pitzer and Mayorga, 1974) and mixed electrolyte solutions
(Pitzer and Kim, 1974).

Chen et al. (1979) extended the Pitzer equation to represent the thermodynamic
properties of weak electrolyte solutions by introducing molecular solute - ion and
molecular solute - molecular solute viriai interaction terms in a consistent way. This
extended Pitzer equation reduces to the original Pitzer equation when no molecular
solutes are present. In addition, the new equation was formulated to be consistent with
the Setschenow equation for the salting out effect of salts on molecular solutes
(Gordon, 1975). Chen and coworkers established the validity of this extended Pitzer
equation by successfully representing vapor-liquid equilibrium data for three systems:
the hydrochloric acid aqueous solution to concentrations of 18 mol kg-1; the aqueous
ammonia-carbon dioxide solution; and the aqueous potassium carbonate-carbon dioxide

system to 40 weight percent potassium carbonate.
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Cruz and Renon (1978) developed a new function for the excess Gibbs energy
of a binary electrolyte solution (single electrolyte in water) by combining the
thermodynamic formalisms of both Debye-Hiickel theory and nonelectrolyte local
composition theory. Like Pitzer, they assumed that the excess Gibbs energy could be
written as the sum of separate contributions arising from the long-range ion-ion

electrostatic interactions and short-range interactions between ions and molecules:

€xX €xX
GeX = Gy + G (3.6)

For the long-range electrostatic contribution to the excess Gibbs energy they
adopted the extended Debye-Hiickel equation. To this they added a Born equation type
term (Harned and Owen, 1958) to account for the change in free energy associated with
the decrease in average dielectric constant of the solution due io increasing electrolyte
concentration. For the contribution of short-range interactions to the excess Gibbs
energy, Cruz and Renon modified the Nonrandom - Two Liquid (NRTL) equation
(Renon and Prausnitz, 1968) that was originally developed to represent excess Gibbs
energies of nonelectrolyte liquid mixtures. In this modified NRTL model, Cruz and
coworkers made the assumption that cations and anions are completely solvated in
solution so that the true local mole fraction of solvent molecules around ions is always
unity. Additionally, they assumed that undissociated electrolyte molecules are
surrounded by other undissociated electrolyte molecules and solvent molecules.
Inserting the long-range and short-range functions adopted by Cruz, equation (3.6) can

be rewritten as

ex

_ (ex ex
Gex = GDebye-Hucke:l + GBom + GNRTL G.7
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This excess Gibbs energy function allows for the computation of the
equilibrium properties of both strong and weak electrolyte solutions wherein total or
partial dissociation of the electrolyte occurs. The final equations for the excess Gibbs
energy are complicated and are, therefore, not reproduced here. Ball et al. (1985)
modified the Cruz model to yield equations which had fewer adjustable binary
parameters and which could be used to represent thermodynamic properties of mixed
electrolyte solutions. They applied the revised model to represent the osmotic
coefficients of strong electrolyte solutions up to a maximum concentration of 6
mol kg-l. The average root mean square deviation in osmotic coefficient was less
than 0.006 for 27 1-1 salts.

Chen et al. (1982) and Chen and Evans (1986) also proposed an excess Gibbs
energy model based on a combination of the Debye-Hiickel and local composition
formalisms. Chen assumed that the excess Gibbs energy of an electrolyte solution
could be written as the sum of contributions from long-range ion-ion electrostatic
interactions and from short-range interactions between all true species: ion-ion, ion-
molecule, and molecule-molecule. The Pitzer-Debye-Hiickel equation (mole-fraction
based (Pitzer, 1980)) was adopted to represent the long-range electrostatic interactions.
The NRTL equation was reformulated to represent all short-range interactions.

The primary difference between the excess Gibbs energy formulations
developed by Cruz and Renon (1978) and by Chen and coworkers is in the different
liquid phase models or structures adopted by each. As mentioned previously, Cruz and
Renon assumed that all ions in solution are completely solvated so that the local
composition of solvent molecules around ions is unity. In a straightforward extension

of the original NRTL theory (Renon and Prausnitz, 1968), Chen adopted an electrolyte
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solution structure consisting of three types of cells. One type consists of a central
neutral molecule surrounded by other molecules and by anions and cations. To this
type of cell Chen applied the assumption of local electroneusrality. That is, he assumed
that the distribution of cations and anions around a central solvent molecule is such that
the net local ionic charge is zero. The other two types of cells have either a cation or an
anion at the center. Chen assumed that ions are surrounded by molecules and
oppositely charged ions, but not by ions of the same charge type. This assumption,
like-ion repulsion, implies that the local concentration of cations (anions) around
cations (anions) is zero.

Chen and coworkers have applied the ‘Electrolyte-NRTL' equation to a wide
variety of electrolyte solutions. The excess Gibbs energy function has been used to
satisfactorily represent the mean molal activity coefficients of single completely
dissociated electrolyte solutions to ionic strengths of 6 mol kg-1 or higher (Chen et al.,
1982), osmotic coefficients in aqueous solutions of salt mixtures and ionic equilibria in
aqueous solutions of weak electrolytes including molecular solutes (Chen and Evans,
1986), and the salt affect on vapor-liquid and liquid-liquid equilibria of mixed solvent
electrolyte solutions to the salt saturation point (Mock et al., 1986).

Most recently, Scauflaire et al. (1989), added a term, the Born equation
(Harned and Owen, 1958), to the Electrolyte-NRTL excess Gibbs energy function so
that it could be used to calculate equilibrium properties of both ionic and nonionic
species in aqueous-nonaqueous solvent mixtures. The Born term allows the ideal
infinitely dilute aqueous phase to be adopted as the reference state for ionic species in a
mixed solvent solution. This choice of reference state is convenient because it is the

state for which most thermodynamic data pertaining to electrolyte solutions have been
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reported in the literature. The Born term accounts for the Gibbs energy of transferring
an jon from infinite dilution in the mixed solvent to infinite dilution in water. This
contribution arises because of the difference in bulk solution dielectric constants
between an aqueous-nonaqueous solvent mixture and pure water. The most recent
formulation of the Chen's Electrolyte - NRTL equation given by Scauflaire et al. is

represented by the following equation:

Gex = Gex

ex ex
Debye-Huckel + G + G

Bom NRTL (3.8)

It should be noted that the Born terms used by Cruz and Renon (1978) and
Scauflaire et al. (1989) are applied in different contexts. Cruz and Renon assumed that
the Debye-Hiickel coefficient, Ay, a function of dielectric constant, does not change as
a function of ionic strength, although it is well know that the dielectric constant of water
decreases as the ionic strength increases (Hasted et al,, 1948). The Born equation was
used to attenuate the error introduced by the Debye-Hiickel contribution due to neglect
of the variation of the dielectric constant with ionic concentration. Scauflaire and
coworkers included a Born term to allow the thermodynamic properties of mixed
solvent solutions to be represented. In Chen's model, the Debye-Hiickel coefficient is
treated as a function of the mixed solvent dielectric constant, but no account is taken of
the decrease in dielectric constant as ionic strength increases. The Born term is
included to allow the ionic reference state to be the ideal infinitely dilute state in pure
water (rather than mixed solvent). Note also that the model of Cruz and Renon (1978)
and the modified version of Ball et al. (1985b) appear to have been developed for

calculating thermodynamic properties of systems that are primarily aqueous in nature.
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Still another electrolyte excess Gibbs energy model was recently introduced
based on the local composition concept. Following Cruz and Renon ( 1978) and Chen
et al. (1982, 1980), Christensen et al. (1983) and Sander et al. (1986) formulated an
excess Gibbs energy model for strong, completely dissociated electrolytes in pure and
mixed solvents as the sum of separate contributions due to long-range electrostatic
interactions and short-range interactions. A Debye-Hiickel term was adopted to
describe electrostatic interactions and a modified UNIQUAC equation (Abrams and
Prausnitz, 1975; Maurer and Prausnitz, 1978) was adopted to describe Short-range ion-
ion, ion-molecule, and molecule-molecule irteractions. Christensen added a
Guggenheim (1935) type term, generalized for mixed solvent systems, to the Debye-
Hiickel term to improve representation of experimental mean activity coefficient data.
This term was apparently not included in the work by Sander et al. (1986) presumably
because they were attempting only to represent the salt affect on vapor-liquid equilibria
data for mixed solvent solutions. Christensen and coworkers expressed the total

excess Gibbs energy as

G = Gpepve Huckel * G Guggenheim * GUNIQUAC (3.9)

In reformulating the UNIQUAC equation for electrolyte solutions, Christensen
and coworkers adopted Chen's like-ion repulsion assumption, but chose not to adopt
the concept of local electroneutrality. This formulation results in adjustable energy
parameters of the model that are ion-specific unlike the parameters of Chen's
Electrolyte-NRTL model or the model of Cruz and Renon. The latter models have ion
pair-specific parameters. In addition, the parameters of the extended UNIQUAC

equation are concentration dependent. And the UNIQUAC equation requires volumes
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and surface areas for all components of the solution. For anions, Sander and
coworkers (1986) based volume and area parameters on molecular sizes of the
respective jons. However, they found that it was necessary to treat cation volume and
area parameters as adjustable in order to satisfactorily represent experimental data.

The extension of the UNIQUAC equation was intended primarily to detenmine
the 'salt-effect’ of strong, completely dissociated electrolytes on the VLE of pure or
mixed solvents. In the original formulation including the Guggenheim term,
Christensen et al. (1983) found that mean ionic activities and water activities could be
satisfactorily represented in single electrolyte solutions and water activities could be
well represented in mixed electrolyte solutions. Without the Guggenheim contribution,
Sander and coworkers (1986) found that in applications to alcohol-water/salt mixtures,
the model satisfactorily represented changes in vapor phase composition on the addition
of a salt to the liquid phase. However, they also reported large deviations in calculated

pressures or temperatures, especially at high salt concentrations.

3.2_Vapor-Liquid Equilibria Models for Weak Electrolute Sus

Because of the difficuity in representing activity coefficients in concentrated
electrolyte solutions, early VLE models for weak electrolyte models were based on
empirical approaches that did not account for molecular interactions. For example, Van
Krevelen et al. (1949) proposed a method for representing H,S, CO,, and NH; partial
pressures over aqueous solutions. In equations governing chemical equilibria they’
used apparent equilibrium constants based on component concentrations rather than
activities. They essentially set activity coefficients of all species to unity. In the general

case, an apparent equilibrium constant approaches its true value (ie. the thermodynamic
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equilibrium constant) at infinite dilution where activity coefficients of all species,
solutes and solvent, are taken, by convention, to be unity. Apparent equilibrium
constants were fitted by Van Krevelen and coworkers on experimental data to functions
of ionic strength and temperature. Henry's constants for NH;, H,S, and CO, were
also correlated as functions of ionic strength and temperature. The study was
successful in representing the ammonia-rich region but was not useful for the complete
range of concentrations. Dankwerts and MCNeil (1967) used this meathod to calculate
vapor and liquid phase compositions in amine-CO5-H20 systems.

Kent and Eisenberg (1976) used a similar approach to represent H,S and CO,
equilibrium solubility in aqueous solutions of MEA and DEA. They also employed
apparent equilibrium constants in the equations of chemical equilibria. They used the
thermodynamic or infinite dilution values (related to component activities), reported in
the literature, as apparent equilibrium constants for all reactions in the system except
amine protonation and carbamate reversion. For these reactions, equilibrium constants
were fitted to functions of temperature (but not ionic strength) on published equilibrium
solubility data for the amine-H,S-H,0 and amine-CO,-H,0 ternary systems. Lee et al.
(1976a,b) found that the acid gas partial pressures calculated by the Kent and Eisenberg

_method can be in error by as much as 100%.

Atwood et al. (1957) proposed a method for calculating equilibrium partial
pressures of HyS over aqueous alkanolamine solutions using a ‘mean ionic' activity
coefficient. They employed thermodynamically rigorous equations of chemical
equilibria relating equilibrium constants to component activities. However, they
assumed the activity coefficients of all ionic species to be equal. This single 'mean

ionic' activity coefficient was correlated with ionic strength. This method is essentially
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equivalent to the apparent equilibrium constant approach of Van Krevelen et al. (1949).
Instead of lumping the effects of solution nonideality directly into equilibrium constants
they lumped nonideal effects into an empirical parameter which was used to adjust
equilibrium constants for the affect of ionic strength.

Klyamer and Kolesnikova (1972) adapted Atwood's approach to represent
equilibria in the CO2-amine-H20 system. The method was further generalized by
Klyamer et al. (1973) to represent equilibria in the HS-CO;-amine-Hy0 system If the
activity coefficients in the model by Klyamer et al. are set to unity, the m;del is
equivalent to the Kent and Eisenberg approach (Deshmukh and Mather, 198 1).

While the use of apparent equilibrium constants allows fair representation of
experimental acid gas solubility data, it has two significant drawbacks. First, the
method cannot be easily extended to solution compositions outside the range ovér
which apparent equilibrium constants have been adjusted. For example, good
representation of VLE data for the acid gas - amine - water system would dictate that the
apparent equilibrium constants be fitted to functions of amine concentration as well as
functions of acid gas loading (or ionic strength). Secondly, speciation, or calculation
of the equilibrium distribution of liquid phase species, ionic and molecular, requires
accurate representation of activity coefficients for use in equations of chemical
equilibria. Speciation using apparent equilibria equations should be treated as only an
approximation to the true liquid phase composition.

The capability to calculate accurate values of all liquid phase species is important
for design and simulation based upon rates of mass transfer and chemical reaction
(Hermes and Rochelle, 1987; Sivasubramanian, 1985). In the rate modeling approach,

true liquid phase concentrations enter into mass transfer and reaction rate expressions.
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For example, it is generally assumed that the bulk liquid phase is in a state of chemical
equilibrium and that physical equilibria exists at the gas-liquid interface. Indeed, the
liquid phase concentrations at the gas-liquid interface and in the bulk solution serve as
boundary conditions for equations of mass transfer.

Edwards et al. (1975) developed a molecular thermodynamic framework to
calculate equilibrium vapor and liquid phase compositions for dilute aqueous solutions
of volatile weak electrolytes (sour water systems) including NH3, CO,, H3S, SO», and
HCN. They treated chemical equilibria in a thermodynamically rigorous manner by
employing component activities rather than concentrations. Activity coefficients were
represented with an extended Guggenheim equation (1935) by treating long-range ion-
ion interactions and short-range ion-ion, ion-molecular solute, and molecular solute-
molecular solute interactions. Molecule-molecule binary parameters of the model were
determined by data regression. Ion-ion and molecule-ion binary parameters were
approximated using the procedure of Bromley (1972). Because Guggenheim's
equation is valid only to ionic strengths of approximately 0.1 molal, the method is
limited to weak electrolyte concentrations of less than 1 or 2 molal.

Deshmukh and Mather (1981) used a similar approach to calculate the solubility
of HyS and CO, in MEA solutions. They also used Guggenheim's equation to
represent activity coefficients. The adjustable binary interaction parameters of the
model were fitted on H»S-MEA-H,0 and CO»-MEA-H;0 ternary system VLE data,
They also adjusted the temperature dependence of two equilibrium constants -
carbainate formation and MEA protonation - on experimental data. Two binary
interaction terms and the pKa of MEA were adjusted on the HS-MEA-H,0

experimental VLE data of Lee et al. (1976b). The carbamate formation equilibrium
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constant and 4 additional binary interaction terms were adjusted on CO3-MEA-H,0
VLE data reported Lee et al. (1976a).

While the Guggenheim equation is known accurately represent activity
coefficients only to ionic strengths of 0.1 mol/kg, Deshmukh and Mather were able to
achieve fair representation of experimental VLE data for the MEA-acid gas-H20

systems to higher ionic strengths approaching 5 mol kg-! or higher in the temperature
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range 25 to 120°C. It appears likely that the adjustment of the carbamate formation and

MEA protonation equilibrium constants were able to compensate for inadequacies of the
activity coefficient equation.

Chakravarty (1985) extended the method of Deshmukh and Mather by fitting,
or refitting, adjustable parameters of the Deshmukh and Mather model for the H)S-
amine-H20 and CO2-amine-H20 systems (where amine represents MEA, DEA,
MDEA, and DIPA) to the extensive body of acid gas solubility data reported in the
literature. Chakravarty further extended the method to systems including two amines -
MDEA-MEA and MDEA-DEA. However, at the time there were no experimental acid
gas solubility data reported in the literature for these mixed amine systems that could be
used to validate the extension for the amine mixtures of interest.

Edwards et al. (1978) extended the range of validity of their sour water model
to weak electrolyte concentrations of 10 to 20 molal by adopting Pitzer's equation
(1973) to represent activity coefficients. It may be recalled that Pitzer's model is an
extension of Guggenheim's equation. Edwards extended Pitzer's model to also
account for short-range ion-molecular solute and molecular solute-molecular solute
interactions. Pitzer's equation treats both binary and ternary interactions of solute

species. However, only binary parameters were used by Edwards and coworkers;



these were determined in a manner similar to that adopted in their earlier work to
estimate the parameters of Guggenheim's equation.

Beutier and Renon (1978) also used Pitzer's equation with the thermodynamic
framework of Edwards et al. (1975) to calculate VLE in sour water systems. These
researchers accepted the binary molecule-molecule interaction parameters determined in
the earlier work of Edwards or refit the parameters on binary system data. Molecule-
ion parameters were estimated using Debye-McAulay's electrostatic theory (Harned and
Owen, 1958). They developed a method, similar to Bromley's (1972), for estimating
ion-ion binary interaction parameters. Beutier and Renon included a small number of
ternary parameters for those species which they determined to be present at significant
concentrations solution. They adjusted these ternary parameters on experimental data.
Beutier and Renon reported that their model satisfactorily represents equilibrium partial
pressures in the ternary systems H,S-NH;-H,0, CO,-NH;-H,0, and S0,-NH;3-H,0
between 0 and 100°C to high ionic strengths. However, large deviations from
experimental data resulted when the concentration of undissociated NHj was high, that
is, when the solution could not be treated as a single solvent system.

Chen et al. (1979) correlated vapor-liquid equilibrium data for the CO,-NH;-
H,O system at 293.15°K and the K,C03-C0O,-H,0 system of the Hot Potassium
Carbonate Process (Kch! and Riesenfeld, 1985) in the temperature range from
343.15°K to 413.15°K. Activity coefficients were represented by their own
reformulation of Pitzer's equation. Like Edwards, Chen extended the Pitzer equation to
include second order virial coefficients representing molecular solute-ion and molecular
solute-molecular solute short-range interactions. Statistically significant parameters in

the model were identified by a preliminary order of magnitude analysis and adjusted on
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vapor-liquid equilibrium data. For the CO,-NH3-H,0 system three ion-ion and three
molecule-ion binary parameters were adjusted resulting in a good fit of Van Krevelen's
(1949) experimental data in the composition range 1 to 2 kmol m-3 NH3,and 0.5 to 2
kmol m-3 CO, at 293.15°K. Six ion-ion binary parameters were adjusted on the
experimental data of Tosh et al. (1959) for the K2CO3-C02-H20 system. No
molecule-ion interaction parameters were adjusted. The model was found to
satisfactorily represent CO, equilibrium partial pressures in the composition range 20 to
40 wt% K,CO3.

While Pitzer's excess Gibbs energy model (1973) has been shown to be valid to
ionic strengths representative of those encountered in industrial practice, it's application
is generally limited to aqueous (single solvent) systems. The solute-solute binary
interaction parameters are unknown functions of solvent composition. The amine-
water system is more properly treated as a mixed solvent system of variable
composition. Furthermore, Pitzer's model contains a large number of binary and
ternary temperature dependent adjustable parameters. Approximating these parameters
with any physical significance is difficult for a system with a large number of liquid
phase solute species, ionic and molecular, such as the H32S-CO3-amine-H0 system.

Dingman et al. (1983) developed a VLE model for the H)S-COs-diglycolamine-
H70 system. The framework of the model is equivalent to the framework used by
Edwards et al. (1975). Activity coefficients were developed from a combination of
NRTL theory (Renon and Prausnitz, 1968), Bromley's correlation (1972), the method
of Meissner, Kusik, and Tester (1972), and Born theory. The drawback of this
approach is that the resulting activity coefficients are thermodynamically inconsistent

according to the Gibbs-Duhem equation.
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Chapter Four

A VLE Model for H3S - CO, - Alkanolamine - H20 Systems

4.1 _Thermodvnamic Framework

As suggested by the phenominological discussion in Chapter One, and so that it
may be used in the context of a rate based model, the thermodynamic framework
adopted for the VLE model developed in this work is based on both chemical
reaction/dissociation equilibria and vapor-liquid phase equilibria for molecular species.
The purpose of this chapter is to present the framework of the proposed VLE model for
the acid gas - alkanolamine - water system in depth. The equations and mathematical
algorithms that are used to determine equilibrium distributions of components in the
liquid phase and between the liquid phase and the vapor phase are reviewed. In
addition, the functions that are used to represent important thermodynamic variables are
presented and adjustable parameters of these functions are discussed. Finally, the
method that was used to determine the best values of the adjustable parameters is

outlined.

4.1.1 Standard States

In this work, both water and alkanolamine are treated as solvents. The standard

state associated with each solvent is the pure liquid at the system temperature and
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pressure. In view of the availability of literature data and the need for a common
reference state for ionic species in various mixed solvent electrolyte systems, the
standard state for ionic solutes is the ideal, infinitely dilute aqueous solution (infinitely
dilute in solutes and alkanolamine) at the system temperature. Finally, in view of the
unavailability of Henry's constants in pure alkanolamines, the reference state chosen
for molecular solutes (H2S and COy) is also the ideal, infinitely dilute aqueous solution
at the system temperature and pressure. This leads to the following unsymmetric

convention for normalization of activity coefficients:

solvents: s o 1 as Xs > 1

ionic and molecular solutes: %' -1 as xi» 0 4.1
Xkzi=0
Xszw = 0

where the subscript s refers to any solvent, i and k refer to ionic or molecular solutes,
and w refers to water. This choice of standard states allows the use of equilibrium
constants reported in the literature for all relevant reactions while the solution is treated
as a solvent mixture. As noted in Chapter Two, activity coefficients are weak functions
of pressure, especially when the system pressure is adopted as the reference pressure.
Therefore, to simplify the calculational procedure, activity coefficients of all species are
taken to be independent of pressure.

- This choice of reference states was dictated largely by the standard state options
and physical property models available for use with ASPEN PLUS simulation

software. As will be discussed in more detail in a later section, ASPEN PLUS was
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used to determine best values of the adjustable parameters of the model using a

nonlinear parameter estimation algorithm.

4.1.2 Chemical Equilibria

Chemical equilibria governs the distribution of an electrolyte in the liquid phase

between its free molecular and chemically bound and/or ionic forms. Since it is the

undissociated or molecular form of the weak electrolyte that comes to equilibrium with

the same component in the vapor phase, chemical equilibria significantly affects phase

equilibria and vics-versa.

In aqueous solutions, H,5S and CO, react in an acid-base buffer mechanism

with alkanolamines. The acid base equilibrium reactions accounted for in this work are

written primarily as chemical dissociation:
Water: 2H,0 & H30+ + OH"
Hydrogen Sulfide: H,0 + H)S & H;0* + HS

Hydrogen Bisulfide: H,0 + HS" & H;0" + §=

Carbon Dioxide: 2H,0 + CO, & H;0* + HCO;
Bicarbonate: H,0 + HCO; «» H;0* + COj
Protonated

Alkanolamine H,0 + RRR'NH* & H3O+ + RRR"N

(42)

(4b)

(4c)

(4d)

(4e)

(4f)
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In these equations RR'R"N is the chemical formula for the alkanolamine. R represents
an alkyl group, alkanol group, or hydrogen.

In addition to its reaction with amines through an acid-base buffer mechanism,
CO2 may also react directly with many primary and secondary amines to form stable
carbamate species as discussed in section 2.6.2. The proposed mechanism for this
reaction was also presented in section 2.6.2. In this work the equilibrium reversion of
carbamate to bicarbonate is included as an independent reaction rather than the direct
formation of carbamate. This reaction results from the proper combination of reactions

(2e), (2f), and (2g):

Carbamate reversion to bicarbonate:

RNHCOO™ + H,O ¢« RNH2 + HCO5" “4g)

As noted by Deshmukh and Mather (1981), additional reactions are known to
occur that may affect equilibrium. The amines may react with carbon dioxide to form
heterocyclic compounds at high temperatures (Kennard and Meisen, 1985). The results
of kinetic measurements on these reactions by Kim and Sartori (1984) suggest that
these reactions may occur fast enough to affect equilibrium measurements if a
carbonated alkanolamine solution under investigation is held at an elevated temperature
(exceeding 100°C) for a substantial period of time. These degradation reactions were
not included in the equilibrium model because the effect of such degradation in most
experimental measurements is likely to be small. Alkanolamines may also react with

other acid gases that are present in lesser quantities in the source gas such as carbonyl
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sulfide and carbon disulfide. These reactions were also not included in the framework
of the equilibrium model.

To determine the distribution of H3S, COg, alkanolamine, and water between
the corresponding molecular and chemically bound and/or ionic forms, the molar Gibbs
free energy of the liquid phase, written in terms of mole nurnbers, is minimized. The
resulting system of equations is equivalent to the set of equations that results from
writing equation (2.42) (which represents the traditional equilibrium constant approach
to determining the equilibrium composition of a chemical system) for each reaction
represented above together with appropriate atomic mass balance equations. In fact,
equilibrium constants are used to determine a consistent set of standard state chemical
potentials. The algorithm for determining the equilibrium distribution of species in the

liquid phase is described in detail in section 4.2.

4.1.3 Phase Equilibria

Phase equilibria governs the distribution of species between the vapor and
liquid phases. In a closed vapor - liquid system containing both electrolytes and
nonelectrolytes, the electrolyte species will partially or wholly dissociate in the liquid
phase to form ionic species. However, unless the system temperature is very high,
vapor phase dissociation of the electrolyte will be negligible. This suggests that, in
practice, it is necessary to apply the equations governing phase equilibria, equations
(2.57) to neutral molecular species only for the purpose of determining the equilibrium

distribution of components between the vapor and liquid phases. Accordingly, because
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ionic species will only be present in the liquid phase for applications of interest in this
work, equations (2.57) are neglected for ionic species.

The reference state for molecular solutes (CO; and H3S) is the ideal infinitely
dilute aqueous solution at the system pressure and temperature characterized by a
Henry's constant. Henry's constants are normally measured and reported at the
saturation pressure of the solvent. The effect of pressure on the Henry's constant is

given by the following exact relation:

Vi s(T.P)
( olnHis, (4.2)
oP % RT

where Hjs is the Henry's constant for solute i in solvent s and V;-’_"S(T,P) is the partial
molar volume of solute i at infinite dilution in solvent s. Since the reference state is the
ideal infinitely dilute aqueous solution, s in equation (4.2) refers to water. If V‘;’s is
taken to be independent of pressure, the Henry's constant for a solute at the system
pressure can be related to the Henry's constant at the saturation pressure of the solvent

by

oo
iw

(P - PO)

H = HP exp (4.3)

iw iw RT )
where H:x:v is the Henry's constant of solute i in water at the system temperature and
the vapor pressure of water (P?v), Hl?w is the Henry's constant of solute i in water at the
system temperature and system pressure (P), and V;"w is the partial molar volume of

solute i at infinite dilution in water. Using equation (2.58) for the vapor phase

89



fugacity, equation (2.66) for the liquid phase fugacity, and equation (4.3) for the effect
of pressure on the Henry's constant, the condition of equilibrium for molecular solutes

is expressed as
o0

v, , (P - PO

1.w
A *
%G P = xy H, exp—pr (4.4)

where 7: is the unsymmetrically normalized activity coefficient of the solute. As
mentioned above, it is assumed to be independent of pressure.

The reference state for each solvent species, water or alkanolamine, is the pure
solvent at the system temperature and pressure. The fugacity of the pure solvent at the

system temperature under its own vapor pressure is given by equation (2.63)

T = PXD) 95D (2.63)

The effect of pressure on the fugacity of the pure solvent is given by

a ln fs \ vs(T’ P)

51 = —%T “3)

where | (T,P) is the molar volume of the pure solvent. If Vs is taken to be independent
of pressure, the fugacity of the pure solvent at the system temperature and pressure can

be expressed as

vs (T) (P - P)
55T = P o5(T) exp ——p— (4.6)

where v is the molar volume of the pure solvent at the system temperature and the

saturation pressure of the solvent. Using equation (2.58) for the vapor phase fugacity
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of each solvent, equation (2.64) for the liquid phase fugacities, and equation (4.6) for
the effect of pressure on the pure solvent fugacity, the condition of phase equilibrium
for solvent species is expressed by

vs (T) (P - P9)
Vs &s P = xs% P: (P: €xp RT - 4.7)

4.1.4 Equilibrium Constants, Henry's Constants, and Vapor Pressures

- Units and Temperature Dependence

In this work, equilibrium constants are expressed on the mole fraction scale;
they are dimensionless. Equilibrium constants for reactions (4a) through (4f) are
available in the literature, but are based on the molality concentration scale. The

temperature dependence of the equilibrium constants is rzpresented in this work by
InK =C; + CT + CG3InT + G4T (4.8)

Coefficients C; through C4 are summarized in Table 4.1 for all reactions together with
literature sources. Note that the coefficients of the first dissociation constant of H»S,
the first and second dissociation constant of COa, and the dissociation constants of
protonated MEA and DEA differ in coefficient C; from the original sources. It was
necessary to convert these equilibrium constants from a molality basis to a mole fraction
basis in accordance with the procedure outlined in section 2.6.3. It should be noted
that an additional correction was applied to equilibrium constants for reaction (4f). In

the measurement of the dissociation constants of protonated alkanolamines, the amines
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are usually treated as solutes with unsymmetrically normalized activity coefficients.
Using this reference state the activity coefficient of the alkanolamine goes to unity at
infinite diiution. However, the symmetrically normalized activity coefficient of the
alkanolamine adopted in this model goes to a value other than unity at infinite dilution in
water, unless the alkanolamine and water form an ideal pair. The correction to the
equilibrium constant is, therefore, related to the infinite dilution activity coefficient of
the amine in water. Infinite dilution activity coefficients for the pertinent alkanolamines
in water were estimated in this work from published alkanolamine - water binary VLE
data.

Henry's constants are expressed in units of Pascals (Pa). The temperature
dependence is given by the same functional form as equation (4.8). Parameters C;
through C4 of equation (4.8) for CO; and H,$ Henry's constants are presented in
Table 4.2 together with literature sources. Pure component vapor pressures are also

expressed in units of Pascals and are represented in this work by

1nP°=D1+ﬁ)ZE+D4T+D51nT+D6TD7 4.9)

Parameters D) through D7 for water, MEA, DEA, MDEA, and DGA are presented in

Table 4.2 together with literature sources.
4.1.5 Partial Molar Volumes of Solute Species

The partial molar volumes of H,S and CO, at infinite dilution in water are

estimated by the method of Brelvi and O'Connell (1972). The Brelvi-O'Connell
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Table 4.1.
through (4g).

Temperature dependence of equilibrium constants for reactions (4a)

In Ky C1 + CJT + C3InT + C4T
Temperature
Rxn# Comp C C C3 Cq Range (°C) Source
4a HO 132.899 134459 -22.4773 0.0 0 -225 a
4b  HpS 214582 -129954 -33.5471 0.0 0 -150 a
4 HS- -32.0 -3338.0 0.0 0.0 14 - 70 ,C
4d COy 231465 -12092.10 -36.7816 0.0 0 -225 a
4e HCO% 216.049  -12431.70 -35.4819 0.0 0 -225 a
4f MEA 2.1211  -8189.38 0.0 -0.007484 0 - 50 d
4f DEA -6.7936  -5927.65 0.0 0.0 0- 50 e
4 MDEA -9.4165 -4234.98 0.0 0.0 25 - 60 f
4f DGA 1.6957 -8431.65 0.0 -0.005037 notreported g
4g MEA 2.8898 -3635.09 0.0 0.0 25 -120 h
4g DEA 45146  -3417.34 0.0 0.0 25 -120 h
4g DGA 8.8334  -5274.40 0.0 0.0 25 -100 h

a - Edwards et al. (1978); b - Giggenbach (1971); ¢ - Meyer et al. (1983); d - Bates and Pinching,
(1951); e - Bower et al. (1962); f - Schwabe et al. (1959); g - Dingman et al. (1983); h - fitted on
VLE data in this work.
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Table 4.2.  Temperature dependence of H,S and CO, Henry's constants.

In H (Pa) = C; + CYT + C3InT + C4T

Temperature
Gas G C Cs3 Cs Range (°C) Source
HzS  358.138  -13236.8 -55.0551 0.059565 0 - 150 a
CO2 170.7126  -8477.711 -21.9574 0.005781 0 - 100 b

a - Edwards et al. (1978); b - Chen et al., 1979.

KR

method is a semi-empirical corresponding states correlation for the compressibility of a
pure liquid and the partial molar volume of a gas at infinite dilution in a liquid.
Universal functions relate the compressibility of a liquid to its density and a
characteristic reducing volume and the partial molar volume of a gas at infinite dilution
in a liquid to characteristic volumes of the solute and solvent and the density of the
solvent. The universal functions are simple polynomials whose coefficients were
determined by regression of compressiblity data and infinite dilution partial moiar
volume data. Most characteristic volumes were also found by reduction of
compressiblity data., Brelvi and O'Connell found that the partial molar volume,
calculated by their expressions, agreed with experimental volumes to within 5 percent
for most solute - solvent pairs, and to within 15 percent for all solute-solvent pairs that

they examined.



The characteristic volume of the Brelvi-O'Connell correlation for water was
taken from the original work of Brelvi and O'Connell and the characteristic volume of
CO, was fixed at its critical volume. Following Edwards et al. (1978) the characteristic

volume for HoS was set at 90% of its critical volume.

Table 4.3.  Temperature dependence of pure component vapor pressures of Hz0,
MEA, DEA, MDEA, and DGA.

In PO (Pa) = Dy + TTDZDT;;"' D4T + DsInT + DgT 7

Temp
Solv. D, Dy D3 Da Ds Dg D7 Range Source
C)

HyO  72.55 -7206.7 0.0 0.0 -7.1385 4.0460e-6 2 0-374 a
MEA 17278 -13492.0 0.0 0.0 -21.914 13779%-5 2 10-365 a
DEA 286.01 -20360.0 0.0 0.0 -40.422 32378¢-2 1 28-269 a
MDEA 26.137 -7588.5 0.0 00 0.0 0.0 0120-240 b
DGA 20.86 -3314.6 -14083 0.0 0.0 0.0 0 not reported ¢

a - Daubert and Danner, DIPPR Data Tables (1985); b - DOW Chemical Co. (1987); ¢ - Sheu (1989).
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4.1.6 Solvent Molar Volumes: Modified Rackett Equation

The molar volumes of all alkanolamine solvents are estimated by the modified
Rackett equation. The molar volume of water is calculated from a polynomial that was
fitted to steam table data. The modified Rackett equation is an empirical expression for
calculating the saturated liquid density of pure liquids (Spencer and Danner, 1972) or
bubble-point densities of mixtures (Spencer and Danner, 1973) as a function of

temperature. For a mixture, the modified Rackett equation is

. 2/7
_1_ - ( I{PTcm ) Z 1+ (l Trm) 1 (4.10)
Pm cm RAm

where pp, is the mixed solvent density, Tcg, and Pcm are the critical temperature and
pressure of the mixture, Ty is the reduced temperature of the solvent mixture, and
ZRrAm is an empirical parameter for the mixture that caa be fitted on experimental data
or can be estimated from the critical compressibilities of the constituent solvents. In the
original Rackett equation (Rackett, 1970), Zg i for each species was taken to be its
critical compressibility. The mixing rules adopted by Spencer and Danner for mixture

critical constants are as follows:

Tem _ Z  Tei
P = ) xi @.11a)
1
Vem = in Vei 4.11b)
1
1
Tom = =D, D Xi %] Vei vej (Tei Tej W2 (1 - iy “.110)
52 2.

cm 1 J
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ZRAm = Z Xi ZRAi (4.11d)
i
Tim = T/Tem (4.11¢)
and
BB
ki = 10- 1 @.11f)

(ve> + Vi

where the expression for kij was adopted from the work of Chueh and Prausnitz
(1967). The molar volume of a pure species is found by substituting pure component
parameters in equation (4.10). Critical constants for all relevant molecular species are

reported in Table 4.3 together with literature sources.

12 Liquid Phase Equilibrium C i

Molecular electrolytes dissociate and/or react in the liquid phase to produce ionic
species. The extent of dissociation is governed by chemical equilibria. It was shown
in Chapter Two that the problem of calculating the equilibrium composition is

traditionally formulated as a set of nonlinear equations of the form
Ky = Il (@)ui (2.43)

where a; is the activity (mole fraction based) of species i. Using ¥ xj = aj, equation

(2.42) was also be expressed as

Kx = II (i x;)vi (2.42)
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where 7¥; is the activity coefficient of species i. Note that the asterisk denoting
unsymmetrically normalized activity coefficients has been omitted for generality. One
equation of the form (2.42) must be included for each independent reacton that can be
written for the system. Therefore, as was shown in section 2.5.1, to solve for the
equilibrium composition of a system composed of N species and for which R
independent reactions can be written, R nonlinear algebraic equations of the form
(2.42) and N minus R linear algebraic equations representing mass balances must be

simultaneously solved for N equilibrium values of x;.

Table 4.4.  Pure component properties used in application of Rackett equation and
Redlich-Kwong-Soave equation of state.

Comp. Mw Tc P Ve Z: (0] Source
(°K) (kPa) (m3 kmol-1)

H>S 34.08 373.2 8936.9 0.0986 0.284 0.100
COy 44.01 304.2 7376.5 0.0939 0.274  0.225
HyO 18.02 647.3  22090.0 0.0568 0.233  0.344
MEA 61.08 638.0 6870.0 0.2250 0.291  0.797
DEA 105.14 715.0 3270.0 0.3490 0.192  1.046
MDEA 119.16 677.8 3876.1 0.3932 0.192 1.242
DGA 105.14 674.6 43549 0.327 0.254 1.046

(=T I - N - A - N )

a - Reid et al., (1977); b - Daubert and Danner, DIPPR Data Tables (1985); c - Peng (1987) ; d -
Texaco Chemical Company.




The traditional equilibrium constant approach to calculating the composition of a
chemical system at equilibrium is sometimes classified as a stoichiometric formulation
of the equilibrium problem (Smith and Missen, 1982). In such a formulation, the
closed-system constraints, the elemental balance equations, are treated by means of
stoichiometric equations, leading to an unconstrained minimization (of the Gibbs free
energy) problem. Recall that equations (2.42) and (2.43) were developed by
application of the necessary conditions for a minimum in the Gibbs free energy.

In practice, equation (2.42) can written for reactions (4a) through (4g). These
equations can then be solved, together with a sufficient number of elemental or mole
balance constraints, for the equilibrium concentrations of all species in the system.
This represents a system of nonlinear algebraic equations implicit in the mole fractions
(or mole numbers) of the components of the system. There is at least one equation for
each component included in the system. In principle, this system of equations can be
solved by one of the methods commonly applied to nonlinear systems (Finlayson,
1980). However, these equations are often difficult to solve because component mole
fractions in aqueous electrolyte solutions vary over several orders of magnitude. This
can lead to computational problems.

In the (stand-alone) algorithm to be described in section 4.5, equations (2.42)
are not used directly to solve for the liquid phase equilibrium composition. Instead, the
problem is reformulated in such a way that fewer equations must be solved
simultaneously to yield the liquid phase equilibrium composition. The approach
adopted in this work to solve for the equilibrium composition of the liquid phase was
developed by Smith and Missen (1988). It is classified as a nonstoichiometric

formulation of the equilibrium problem. It is based on constrained minimization of the
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liquid phase Gibbs free energy and has been found to be both fast and reliable in the
applied context. Smith and Missen (1982) show that the stoichiometric and
nonstoichiometric formulations of the chemical equilibrium problem are equivalent,

As will be discussed shortly, the model presented in this work was first used
within the framework of ASPEN PLUS process simulation software. The Data
Regression System of ASPEN PLUS was used to estimate adjustable parameters of the
model. ASPEN PLUS employs the traditional equilibrium constant approach to
determine the equilibrium composition of the liquid phase. The two methods are

equivalent.
4.2.1 Nonstoichiometric Formulation

At a constant temperature and pressure, the most stable state of a system, its
equilibrium state, is the state at which the Gibbs free energy is a minimum. The
condition of chemical equilibria can be found by minimizing G, at constant temperature
and pressure, in terms of N mole numbers and subject to M elemental balance
constraints. That is, the equilibrium composition state is the solution to the following

optimization problem:

N
min G(n) = Y, nj 4.12)

i=1

subject to

N
> agini = by k=12.,M (4.13)
i=1
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where N is the number of components in the system (excluding inerts), M is the
number of elements in the system, ay; is the subscript to the kth element in the
molecular formula of species i, and by is some fixed amount of element k in the system.

Equations (4.12) and (4.13) can also be expressed in vector notation as

min G(n) = nTp 4.14)
subject to
An =b (4.15)

where n € EN, A € EMN (M < N), and b € EM. That is, n is a vector of length N, A
is an M x N matrix, and b is a vector of length M. Normally, R = N - C, where C =
rank (A). Usually C is equal to the number of elements, M, in the system.

In the Smith and Missen (1988) algorithm, which is essentially a variation of
the RAND algorithm (White et al., 1958), the constrained minimization problem is
transformed into an unconstrained minimization problem through the uss of multipliers
(for a discussion of the method of Lagrange multipliers, see Luenberger, 1984). This
is done by formulating the Lagrangian from equations (4.12) and (4.13):

N
L@, L) = Zl.niui + Zxk(bk - zak. nj) (4.16)
i= i=1

where A is a vector of M unknown Lagrange multipliers, A = (A1, A2,...,A)T. The
necessary conditions for a minimum in L(n, A) are

(aL

M
- akiAk = 0 i=12.,N 4.17
o kg ki Ak (4.17)

oL N
(_)nxj# = bk - Za nj= 0 k=12.,M (4.18)
’ =1
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Equations (4.17) and (4.18) represent a set of (N + M) nonlinear algebraic equations in
(N + M) unknowns (ny, n2, ...nN, A1, A2, ..., AM). In theory, once expressions for
chemical potentials in terms of mole numbers are introduced into equations (4.17) and
(4.18), the system of equations can be solved for the equilibrium composition of the
solution by a method for solving nonlinear algebraic equations. However, by
application of the Smith and Missen variation of the Rand algorithm, this set of
equations is reduced to a smaller set (M) of linear algebraic equations which are solved
simultaneously for the M Lagrange multipliers only. The Lagrange multipliers are used
in an iterative procedure to solve for the mole numbers of all components at

equilibrium.

4.2.2 Smith and Missen Algorithm

The Smith-Missen algorithm was developed in terms of ideal solution properties
for a multicomponent, single-phase system. It is a simple matter to extend its
application to nonideal solutions. The basic algorithm will be outlined here for an ideal
solution. Extension of the algorithm for application with nonideal solutions will be
shown following the general development.

The system of algebraic equations represented by equations (4.17) and (4.18)
are difficult to solve due to the nonlinear dependence of the chemical potential on mole
numbers (or equivalently mole fraction, see equation (2.12)). Therefore, White et al.
(1958), and subsequently Smith and Missen (1988) adopted an iterative procedure
whereby equations (4.17) are linearized (in mole numbers) by expansion in a Taylor

series with truncation after the linear term, and used with equation (4.18) to solve for



mole numbers. The procedure is repeated until the difference between mole numbers of
the constituent components on consecutive iterations is less than a specified
convergence criterion.

If the chemical potential is written in dimensionless form, ie., if chemical
potential is divided by the thermal energy, RT, then equation (4.17) can be written as

M

u- .
By D o ¥ = 0 i=12.,N 4.19)
k=1
where Pk = %-

Linearization of equation (4.19) about an estimate of the equilibrium state solution

(n@m), Py yields, after rearrangement

™ M . o M
p(m) i (m) (m) _
RT ~ L 2V + Z (35, 0 D IETEL
k=1 j=1 k=1
i=1,2,..,N (4.20)
with SnEm) =nj - ngm) and S‘I‘(,:" ) = gy . ‘P(]:“)

where the superscript (m) denotes evaluation at the point (n(), Wy n s related to
related to the current estimate of n(m) through the elemental abundance constraints,

equations (4.13), by

N
‘S-l:akj 0™ = b - b k=12.,M @21

St o
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where
N

b = Y syl k=12.M @42
j=1

Equations (4.20) and (4.21) are a set of (N + M) linear equations in the unknowns
8n§m) and S‘I‘g"). These linear equations can be solved and new estimates of (n, \P)

can be obtained from
WD o pm) g (4.23)
nm = pm + @™ §om) (4.24)

where o is a step size parameter that varies between zero and one. However, by
further algebraic rearrangement, Smith and Missen show that this system of (M + N)
linear equations can be reduced to a system of M linear equations in M unknowns by
combining equations (4.20) and (4.21) to yield an explicit expression for the variables
dn() . It was shown in Chapter Two, section 2.3.1 that the chemical potential of an

ideal solution is defined as

0.
M Hi
RT = RT + Inxi (4.25)

If x; is written in terms of mole numbers (x; = n; / ny) where ng represents total moles in

the phase including inerts, then

o
TR
ﬁ = ET— + In nj - In Ing (426)
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The derivative of p; with respect to nj is given by

where &;j = O for i#j and djj =1 for i=j

Combining equations (4.20) and (4.27) yields

i N osn™ M
—J——--I—Bn(“‘)+ E L +Za
RT ~ " @™ o e kj ¥
i Fl t "
Rearranging
™ M
1 (m)
WSnJ =" KT + u + ; aki ‘Pk
i =
i=1L2.,N
with
ARFNCY &nl™
P
u — = ——
(m) (m)
10 M
Rearranging equation (4.29) gives
(m) M
5™ = (m)[ +ou o+ Zaki‘l’(;f')]
k=1
i=12.,N
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Introducing equation (4.31) into the modified element abundance constraints, equations

(4.21), and rearranging yields
M N
Z Z (akj ajj n(jm))‘l’i + bgn)u
i=l  j1

N
1
= ﬁzl akj n(jm) ll}m) + (bg- bﬁ“) )
J:

k=12.,M (4.32)

Using equation (4.30), equations (4.31) can be summed over j» the number of

components excluding inerts, to yield

M N pﬁ")
2 6% - nu = D n{® (4.31b)
i1 kel

where nz is the number of moles of inert components. Equation (4.32) together with
equation (4.31b) represents a system of (M+1) equations in (M + 1) unknowns, the M
Lagrange multipliers, ¥;, and u. During each iteration of the RAND algorithm (White
et al., 1958), equations (4.32) and (4.31b) are solved for all M values of ¥; and u. dn
is then calculated from equation (4.31) and a new estimate of the mole number vector is
calculated using equation (4.24). A suitable value of the step size parameters, @M, can
be determined by a line search for a minimum in G(n). In this work @™ is fixed at
unity. The Smith and Missen variation of the RAND algorithm, applied in this work,
results by dropping u from the calculation (ie. setting u to zero) leading to a system of

M equations (1 fewer) in M unknowns - ¥;. Smith and Missen (1988) prove that this
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procedure still leads to a descent algorithm. Iterations are repeated until the the single
phase composition does not change significantly on consecutive iterations. In this
work, iterations are repeated until the following convergence criterion is met:
max . 1aniWn™ <
all species, i 177

€ is an input variable that takes on a value determined by the user.
4.2.3 Nonstoichiometric Algorithm for Nonideal Solutions

The nonstoichiometric algorithms presented in Section 4.2.2 were developed

for ideal solutions for which the chemical potential of each species is expressed as

pi = p? + RThx (2.12)

Thus, the chemical potential of a component of an ideal solution depends in a simple
way on its own mole fraction. The ideal solution assumption made it possible to
express dyLi/dn; analytically, which, in turn, was instrumental in the construction of the
RAND algorithm and the Smith and Missen variation. In Chapter Two, section 2.3.1,
the chemical potential for a nonideal solution was expressed as

(o]

Hi = W + RTInxj + RTlny (4.33)

Equation (4.33) is a definition of the activity coefficient, y, which is seen as a
correction to the ideal solution chemical potential for the effects of nonideal solution

behavior. In general, ¥, is a complex function of solution composition. Therefore, for



a real solution, p; is also a complex function of solution composition and a simple
analytical expression for dpi/dn; is not, in general, possible.

In order to utilize algorithms for real solutions that were developed for the ideal
solution, Smith and Missen (1982) suggest an indirect approach. Equatior: {4.33) is

rewritten by combining the standard state chemical potential with the activity coefficient

term so that

B = W(T,P,n) + RTlnx 4.34)
where

HXT,P,n) = RX(T,P) + RTIny(T,P,n) (4.35)

Equation (4.34) is employed in the algorithm in place of the equation (4.25) for the
chemical potential of component i. The calculation procedure is iterative. On the first
iteration the equilibrium composition is calculated assuming that all +y; are unity and
u?(T, P,n) = p.?(T, P). Using the composition of the system on the first iteration,
activity coefficients are calculated for all species using the adopted excess Gibbs energy
function. On the next iteration, a new value of u?(T, P, n) is computed by equation

(4.35) such that

pXD = 4 4+ RTIyT, P, n®) (4.36)

Note that in applying the algorithm developed for an ideal system, u‘i’(m) is not treated
as function of composition. That is, au;’("’)/an,: is assumed to be zero. The procedure
is repeated until the composition does not change significantly on consecutive
iterations. Equation (4.36) becomes

o(m+l) _

T = i + RTIny(T, P, n{m) (4.37)
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4.2.4 Standard State Chemical Potentials from Equilibrium Constants

The Smith and Missen algorithm adopted in this work for calculating the

o
i’

equilibrium composition of the system utilizes standard state chemical potentials, .
for all species participating in the independent set of chemical reactions. However, for
several of the components of the system HjsS - CO5 - amine - H7O, standard state
chemical potentials are not available in the literature. Fortunately, equilibrium constants
for all participating reactions (reactions 4a - 4g) are available. Equilibrium constants for
reactions (4a) through (4f) were taken from the literature and the equilibrium constant
for reaction (4g), reversion of carbamate to bicarbonate, for MEA, DEA, and DGA
were determined by data regression in this work. Equation (2.41) provides a

connection between standard state chemical potentials for the components participating

in a reaction and the equilibrium constant for that reaction:

N
RTInKy = - 2 vip] = AGY. (4.38)

i=1

The problem is to determine a suitable vector uofrom Kx. Consideration of equation
(2.42) suggests that any vector uowhich yields the correct value of Ky through
equation (2.41) will give rise to the correct equilibrium composition of the system.
Therefore, any vector |.L°which satisfies equation (2.41) can be used to determine the
equilibrium composition of the system by the nonstoichiometric algorithm (because the
nonstoichiometric formulation is equivalent to the traditional equilibrium constant
approach represented by equation 2.42). Such a vector, }J,o, is said to be consistent

with the equilibrium constant Ky.
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For a system consisting of N species and for which R independent chemical
reactions can be written, the problem is to find [that satisfies

N
RTInKy; = - 2 vij 1O j=1,2,.,R (4.39)
=1

Equation (4.39) represents a system of R equations in N unknowns. Since N is
generally greater than R, there are an infinite number of vectors pothat are consistent
with the j values of Kx. One such vector results from setting N minus R values of p.?
to zero and using equations (4.39) to solve for the remaining R values. In vector

notation, this can be written as

MO e = -rT(K) (4.40)

where uois a N x 1 column vector, N is a N x R matrix with elements Vjj, Lis a (N-R)
x N identity matrix, K', is an R x 1 column vector composed of the elements In Kxj,
and 0 is an (N-R) x 1 zero vector. This method has been adopted in this work for

determining a consistent set of u?.

13 Ti lynamic Fupefi

4.3.1 Vapor Phase Fugacity Coefficient: The Redlich - Kwong - Soave
Equation of State

Soave's (1972) modification of the Redlich-Kwong (Redlich-Kwong, 1949)

equation of state (EOS) is used to represent the equilibrium behavior of the vapor
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phase. Fugacity coefficients for all species in the vapor phase are calculated from the
Redlich-Kwong-Soave (RKS) using equation (2.60).
The original Redlich-Kwong EOS in pressure explicit form is

RT 2
v-b  TO0.Sy (v + b)

P = (4.41)

where a and b are parameters that reflect the strength of attraction between molecules
and the size of the molecules respectively. Values of the parameters a and b can be

determined by forcing the Redlich-Kwong EOS to satisfy the condition of criticality:
oP a2p
(W)T = (W)T =0 (4.42)

Application of the criticality conditions yields the following equations for a and b in

terms of the critical properties:

R2 T2
a = 0427480—5- 4.43)
b = 00866405 (4.44)

Soave (1972) modified the Redlich-Kwong equation by replacing the
temperature-dependent term %5- by a function a(T, ®) involving temperature and the
acentric factor. In pressure explicit form, Soave's modified Redlich-Kwong (referred

to hereafter as the Redlich-Kwong-Soave or RKS) equation of state is

RT a(T,w)
P = m - 2
7B . 4.45)
where

aT,®) = a(T, w)
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The parameters a and b assume the same values in the RKS equation as they do in the
Redlich - Kwong equation. The function o(T, w) was formulated to make the EOS fit

pure fluid vapor pressure data, with the following result:

T, 0) = [1 + fod - TOHR (4.46)

where Tt is the reduced temperature and fy, is a quadratic equation in the acentric factor,
®. The parameters in this equation were determined empirically by Soave. The
parameter values were improved by Graboski and Daubert (1978a,b) using a large data
set:

fo = 048508 + 1.55171® -0.15613w2 4.47)

Using this function, the RKS equation of state predicts the vapor pressure of nonpolar
and slightly polar fluids with a high degree of accuracy.

Mixing rules must be adopted to determine the parameters ap, and by, for the gas
mixtures. In this work, the original combining rules applied by Redlich and Kwong

(1949) were adopted:
am = 2 z xi Xj (aj oj aj )05 (4.48)
~ &

J
bm = 3 xi by 4.49)
1

By proper rearrangement, the RKS equation of state can also be written as a

cubic equation in volume:

RT , 1 act b
v} -5 v2 +5(@a - BRT - P)v - 52 = 0 (4.50)

112



As discussed in Chapter Two, section 2.7.1, the fugacity coefficient of any
component in a gas mixture can be computed from an equation of state using mixing
rules for the equation of state parameters and the definition of the partial molar volume
through application of equation (2.60):

P
In ¢ = R—lr-of - - Wodp (2.60)

The partial molar volume, v, of any molecular component is calculated from equation
(4.50) and the mixing rules, equations (4.48) and (4.49). From equations (2.60),
(4.48), (4.49), and (4.50) the fugacity coefficient based on the RKS equation of state is

@i = gh(z-1) - m[za-2m) +

(@®m - bi 2

S yiawyln(1+2m) @5

m 4
where
z=PV/RT

(aa)ij = [ (aiow) (ajoy) 112

@)m = > Y yiyj(aajj
i ]

bm = Y yib;
1

In order to calculate fp, it is first necessary to calculate v of the mixture. In this work,
this is accomplished by solving for the vapor phase root of equation (4.50) using a
Newton-Raphson procedure. The initial guess of the vapor phase root is obtained by
solving for videal from the ideal gas law. Equation (4.51) is then used to calculate the

fugacity coefficient of all components in the vapor phase.
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4.3.2 Liquid Phase Activity Coefficient: Electrolyte - NRTL Equation

The Electrolyte - NRTL equation (Chen and Evans, 1986), modified for mixed
solvent electrolyte solutions (Scauflaire et al., 1989) is used to represent liquid phase
activity coefficients. This is a generalized excess Gibbs energy model that accounts for
molecular/ionic interactions between all true liquid phase species. The basic postulate
of the model is that the excess Gibbs energy of a mixed solvent electrolyte system can
be written as the sum of two contributions, one related to the local or short-range (van
der Waals type) interactions that exist in the immediate neighborhood of any component
(ion or neutral molecule), and the other related to the long-range (LR) ion-ion

interactions that exist beyond the immediate neighborhood of a central ionic species:

* ex* ex* A
8% = BIR * Bjoca (4.52)

For the long-range ion-ion interaction contribution Chen and Evans adopted

Pitzer's reformulation of the Debye-Hiickel equation (Pitzer, 1980):

gg’ls:{ = -RT (g xg) (1000/Mm)'2 (4 A L/p) In (1 +p I,l(/z) (4.53)

where Ag is a function of the mixed solvent dielectric constant and mixed solvent
density. Mp is the mole fraction averaged mixed solvent molecular weight (ie.,
average molecular weight of water plus nonaqueous solvents). Since Ay is a function
of mixed solvent properties, the reference state for ionic solutes implied by equation
(4.53) is the ideal infinitely dilute state of the solute in the mixad sulvent. However,
because much of the reported thermodynamic data pertains to electrolytes (including

equilibrium constants for the dissociation of weak electrolytes) in water,
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Scauflaire et al. (1989) adopted the ideal infinitely dilute state in water as the standard
state for ionic species. Therefore, the standard state chosen for ionic species in this
work, discussed in section 4.1.1, is consistent with the standard state adopted for ions
within the framework of the Electrolyte-NRTL equation.

To make the Pitzer-Debye-Hiicke! contribution consistent with the adopted
reference state for ions (the infinitely dilute aqueous solution), Scauflaire and
coworkers included an additional term in the long range contribution to the excess
Gibbs energy. That is, the Born equation (Harned and Owen, 1958) was introduced
into the long-range contribution to account for the excess Gibbs energy of transferring

an ion at infinite dilution in the mixed solvent to infinite dilution in the aqueous phase.

The Born eguation is
2
: 2 4.1 1
Y orn = G5 - B (4.54)

In equation (4.54) Dy, represents the dielectric constant of the mixed solvent and Dy
represents the dielectric constant of pure water, e is the electronic charge, zj is the
valence of ionic species i, and r; is the radius of ionic species i. The Born equation
presented above is derived from consideration of the work required to transfer an ion
from a solvent of dielectric constant Dy, to dielectric constant Dy, at extreme dilution
(Harned and Owen, 1958).

As noted in section 4.1.1, the reference state for molecular solutes is also the
ideal, infinitely dilute aqueous solution. The contribution of the Pitzer-Debye-Hiickel
term to the activity coefficients of molecular solutes is assumed to be the same as that
for solvents. Furthermore, it is assumed that no contribution to the excess free energy

is required to transfer (neutral) molecular solutes at infinite dilution from the mixed

115



solvent to infinite dilution in the aqueous phase. That is, there is no contribution to the
excess Gibbs energy for neutral solutes analogous to equation (4.54).
Applying equation (2.96) in principle, the long-range contribution to the excess

Gibbs energy is expressed as

ex*

_ .ex¥ . o0
8iR =8ppy - RT Z Xi In 'Yi BORN 4.55)

Therefore, the Born contribution to the excess Gibbs energy, equation (4.52), is

2 . ,2
ex - € Xi Zi 1 1
gporn = RT Gpp) (Z ) on B (4.56)
1

The local interaction coniribution to the excess Gibbs energy was derived from
the local composition concept of the nonrandom two-liquid (NRTL) hypothesis (Renon
and Prausnitz, 1968). In a straightforward extension of the original NRTL theory,
Chen adopted an electrolyte solution structure consisting of three types of cells. One
type consists of a central neutral molecule surrounded by other molecules and by anions
and cations. To this type of cell he applied the assumption of local electroneutrality.
That is, he assumed that the distribution of cations and anions around a central solvent
molecule is such that the net local ionic charge is zero. The other two types of cells,
Chen postulated, have either a cation or an anion at the center and are surrounded by
molecules and oppositely charged ions, but not by ions of the samie charge type. This
assumption, like-ion repulsion, implies that the local concentration of cations (anions)
around cations (anions) is zero. The NRTL contribution to the excess Gibbs energy is

expressed as
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a a" k
z X z Gja.c'a Tja.ca
E J
+ Xa 4.57)
a c' Z X z Xk Gka.c'a
c k
with
Xa G Yc Xc Geam
G . 2aXaGcam G = ¢ 8¢ Uca
. Ya Xa' o Tc X'
o - Za Xa Olca.m - z:c Xc Ocam
em Ta Xa' am 2c X¢'
where Xj = xjCj(Cj=Z;for ions and Cj = unity for molecules)
o = nonrandomness parameter
T = binary energy interaction parameter
and
Gjcac = exp (O a'c Tica'c) Gjaca = exp (-Qjac'a Tja,c'a)
Gim = exp (-Oim Tim) Geam = exp (-0cam Tcam)
Tmaca = Tam - Tca,m + Tm,ca Tmc,ac = Tem - Team + Tmea

Equation (4.57) reduces to the NRTL equation (Renon and Prausnitz, 1968) when no
ionic species are present in the solution. Therefore, binary parameters for nonionic

pairs can be obtained from analysis of the corresponding nonelectrolyte mixtures.



Note that gf&‘R.m must be normalized to the desired reference states, expressed
by equations (4.1), using equation (2.96) and infinite dilution activity coefficients of
molecular solutes, cations, and anions. Infinite dilution activity coefficients can be
obtained from equation (4.57) by application of equation (2.85) to obtain activity
coefficient expressions and subsequently calculating activity coefficients at the proper
concentration limits. For the ideal infinitely dilute aqueous reference state, infinite

dilution activity coefficients are given by

ln'y:; = Twm + Gmwtmw (4.58)
Zxa' Twe.a'c
ny> = Gew Tew + S—ee——— 4.59
'Yc Zc{ cw Tew z Xar } ( )
a"
Zxc' Twa.c'a
Y = Z; {Gay taw + = } (4.60)

a Z Xe"
1

c

In equations (4.57), (4.58), (4.59), and (4.60), the subscripts m, ¢, and a refer to
molecular solute, cation, and anion respectively. The subscript w refers to water. By
equation (2.96), the NRTL contribution to the unsymmetric excess Gibbs free energy

becomes

ex* _ ex co
8NRTL = 8NRTL® RTngv,v Xm In Ym -

RTZ xeIny? - RTZ Xa In ¥ (4.61)
C a
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The sum of equations (4.53), (4.56), and (4.61) constitute the Electrolyte-NRTL

equation for mixed solvent electrolyte systems:

* _ g ex* ex X
gex - {ngH + gBORN } + ©NRTL (462)

The activity coefficient for any species, ionic or molecular, solute or solvent, is derived

from the partial derivative of the excess Gibbs energy with respect to mole number:

Jd(npgeX*/RT
iy = [HORCRDL 2.79)

Activity coefficients derived by the use of equation (2.79) are presented in Appendix A.
Note that although the Born term in equation (4.62) is a function of the solvent
composition, Scauflaire and coworkers keep it constant when differentiating with
respect to solvent mole number. This, they imply, follows from the fact that the
symmetric solvent activity coefficients should not be affected by the reference state
chosen for the ionic solutes. The Born term is a used to adjust the Pitzer-Debye-Hiickel
contribution to the adopted reference state for ions only. However, it is not clear that
the resulting activity coefficients obey the Gibbs-Duhem equation.

Note that equation (4.58) was used to estimate alkanolamine activity coefficients
at infinite dilution in water. These infinite dilution activity coefficients were then used
to modify published equiiibrium constants for the dissociation of protonated amines (ie.
the Kj's of the alkanolamines) so that the reference state of an amine was taken to be
the state of the pure liquid at the system temperature as discussed in section 4.1.4 and

expressed by equation (2.56).
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4.3.3 Debye-Hiickel Coefficient

As applied in the framework of the Electrolyte-NRTL equation, the Debye-

Hiickel coefficient, Ay, is a function of solvent density and solvent dielectric constant:

27 N d 2 \3p
Ap = (%)F—-ﬁ)o(‘,’ m )12 (——-DmekT) (4.63)

Here dy and Dy, are the mixed solvent density and mixed solvent dielectric constant
respectively. Nj is Avogadro's number, e is the charge of an electron, and k is
Boltzmann's constant. Scauflaire et al. (1989) adopted the following approximation for

the mixed solvent density of an aqueous - nonaqueous mixture:

1 sf sf
a-,; = xHzO ‘i—IzO + xnonaq %onaq (4.64)

In this work, %50 is taken to be the molar volume of saturated water interpolated using
a polynomial fitted on steam table data. Vnonaq is the saturation molar volume of the

nonaqueous solvent fraction (alkanolamine or mixture of amines in this work) estimated

sf

by the modified Rackett equation (Spencer and Danner, 1973). xﬁzo and Xnonaq

are the
solute-free mole fractions of water and total noragueous solvent respectively.

Note that while A is a function of solvent composition, Scauflaire et al. (1989)
do not differentiate it with respect to soivent mole number in derivin g activity

coefficients from equation (4.53) or equation (4.62). They assume that the contribution
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to the natural logarithm of the activity coefficient that results from differentiating Ay is
negligibly small.

4.3.4 Mixed Solvent Dielectric Constant

Scauflaire and coworkers adopted a simple linear mass fraction average mixing

rule to calculate the mixed solvent dielectric constant:

Dm = zxsnfi D; (4.65)

i

In equation (4.65), x‘gi is the solute-free mass fraction of solvent i, and Dj is the
dielectric constant of solventi. The dielectric constant of saturated water is calculated
using the empirical correlation of Helgeson and Kirkham (1974). Dielectric constants
for MEA and DEA were taken from Ikada et al. (1968). The dielectric constant of
purified MDEA was measured in this work over the temperature range from 25 to 50°C
at atmospheric pressure using the experimental technique described by Middleton*
(1988). Measured values of the dielectric constant for MDEA are reported in Table 4.5.
Values of A and B for all alkanolamines are reported in Table 4 6. The dielectric
constant of DGA was set equal to the value adopted for DEA. For all alkanolamines,

the dielectric constant was fitted to the following function of temperature:

D; = A+B[%-777171-§] (4.66)

* M. Middleton kindly made these measurements for the author.
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Table 4.5. Dielectric Constant of pure MDEA at 1 atmosphere total pressure.

Temperature (°C) (£0.1) Dielectric Constant (+0.2)
25.0 22.0
35.1 21.0
49.6 19.7

_—_———_—__*“'——_—_—_—_——_

Table 4.6. Dielectric constants for pure MEA, DEA, and MDEA as a function of
temperature by equation (4.66).

Amine Dielectric constant by equation (4.66)

MEA: D = 26.76 + 14836 [1/T - 1/273.15]
DEA: D = 2801 + 9277.0 [T - 1/273.15]
MDEA: D = 2474 + 8989.3 [1/T - 1/273.15]
DGA¥*; D = 28.01 + 9277.0 [I/T - 1/273.15]

* Dielectric constant of DGA fixed at same value as DEA.




4.3.5 Parameters of the Electrolyte - NRTL Equation

The parameters required by the Electrolyte-NRTL equation for the HpS-CO;-
alkanolamine-H0 system include the distance of closest approach, p, in the Pitzer-
Debye-Hiickel term, and pure component dielectric constants, D, and ionic radii, r, in
the Born term. The parameters of the NRTL term are the nonrandomness factors, js
and the binary interaction energy parameters, Tij. In this work, the distance of closest
approach term was fixed at 14.9 as suggested by Pitzer (1980). Ionic radii were
assigned default values of 3 angstroms. Following Chen and Evans (1986), the
nonrandomness factor was fixed at 0.2 for molecule-molecule interactions (Omm') and
for water-ion pair interactions (0tw,ca Or Oca,w). Nonrandomness factors for
alkanolamine-ion pair and acid gas-ion pair interactions were fixed at a value of 0.1 as
suggested by the results of Mock et al. (1986) for nonaqueous solutions of electrolytes.

Therefore, the only adjustable parameters of the Electrolyte-NRTL model are
the short-range binary interaction parameters (Tmm's Tm'm> Tca,m» T cas Tea,ca’> Tea'cas
Teac'as Tc'a,ca) representing energies of interaction between liquid phase species. These
are characteristic of pair interactions of components of the solution and are independent
of solution composition. Further, these are empirical parameters with little absolute
physical significance, although relative values of the interaction parameters are
important. For example, Chen (1980) notes that Tm,ca is always positive while Tca,m is
always negative. Moreover, Chen and Evans (1986) found that ion pair-ion pair
parameters (Tca,ca'> Tca',car Tea,c'as Tc'a,ca) could usually be set to zero without
significantly affecting representation of VLE data.

As noted by Chen (1980) the assumption of local electroneutrality results in

the treatment of molecule-ion pair parameters (Tca,m> Tm,ca) as adjustable parameters
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in the Electrolyte-NRTL equation rather than molecule-ion parameters. However,
molecule-ion parameters are functionally related to the molecule-ion pair parameters
as can be seen in equation (4.57).

An advantage of local composition models such as the NRTL equation is that
binary parameters of a multicomponent system and of its constituent binary systems are
the same and no higher-order parameters are required. Best values of these binary
parameters for the systems under consideration in this study were, therefore,

determined by data regression using binary and ternary system VLE data (TPx).

4.4 Data Regression

4.4.1 Adjustable Parameters: Binary Energy Interaction Parameters

There are three types of binary interaction parameters in the NRTL
contribution to the excess Gibbs energy or activity coefficient: molecule-molecule
(Tm,m' and Tm',m), molecule-ion pair (Tm,ca and Tcam), and ion pair-ion pair (with a
common cation or anion) (T¢aca' and Tca'ca OT Tcac'a and Tc'aca). Acid gas-water
interaction parameters were fitted in the earlier work of Chen and Evans (1986).
Amine-water binary parameters were adjusted in this work on experimental binary
system (amine - water) data. Using the besi vaiues of the molecule-molecule binary
interaction parameters fitted on binary system VLE data, statistically significant
molecule - ion pair parameters were then fitted on ternary system (i.e. alkanolamine-
H2S8-H20 and alkanolamine-CO3-H20) VLE (Tpx) data reported in the literature.
There is a large body of experimental HpS and CO, solubility data reported in the
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literature for the single acid gas - MEA - water or single acid gas - DEA - water
systems. To make the job of parameter estimation tractable, data regression was
arbitrarily restricted to VLE data published after 1956. Literature sources used in fitting
all parameters are summarized in Chapter Six.

Following Chen and Evans (1986) all ion pair-ion pair parameters were fixed
at zero. Parameters fitted on the binary and ternary systems were used to represent
experimental data for the corresponding quaternary systems (H2S-CO5-alkanolamine-
water) without adjusting additional parameters on these systems.

Much of the solubility data reported for single amine-single acid gas systems
represent experimental measurements at moderate to high liquid phase acid gas
loadings. There is little data reported in the low acid gas loading (less than 0.1 or 0.2
moles acid gas per mole amine), low acid gas partial pressure range, especially at low
temperatures. This is because equilibrium acid gas partial pressures are often too low
to measure accurately at low temperatures unless the liquid phase concentration of acid
gas is high (Mather, 1988). For example, at low temperatures and low acid gas
loadings, gas chromatography, which is often used to determine the acid gas content of
the vapor phase, may not provide the precision necessary to determine acid gas vapor
phase concentration. In addition, at low temperatures and low acid gas loadings, the
equilibrium partial pressure of water can be greater than the acid gas partial pressure.
Since most acid gas solubility measurement techniques require that the partial pressure
of water be subtracted from the total pressure to obtain the acid gas partial pressure, an
error in estimating the water partial pressure can translate into a large relative error in

the measured acid gas equilibrium partial pressure.
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Therefore, the best values of the adjustable binary interaction parameters were
determined by data regression using the available solubility data, most of which was
measured at moderate to high loadings. Since the adjustable binary interaction
parameters are characteristic of pair interactions of components of the solution and are
independent of solution composition, the fitted parameters are valid outside the range of
concentrations over which they were fitted. Hence, the VLE model itself is valid at low
acid gas partial pressures even though the parameters of the activity coefficient model
were not fitted on data in this range.

At high temperatures, there are relatively more equilibrium partial pressure
measurements reported at low loadings presumably because absolute acid gas
equilibrium partial pressures are greater. However, high temperature acid gas partial
pressure measurements at low loadings are still often believed to be of questionable
accuracy because the partial pressure of water can be of the same relative magnitude as
the acid gas partial pressure (Moore, 1989). Again, an error in estimating the water
partial pressure can translate into an relatively large error in the measured acid gas
equilibrium partial pressure.

In the alkanolamine-H3S-CO2-HyO system, where the alkanolamine is MEA,
DEA, or DGA, there are 8 ionic species and 4 molecular species present in the liquid
phase (Am, HzS, CO2, H20, AmH+, H30+, AmCOO-, HS-, S-2, HCOj, CO?, OH-).
Tertiary alkanolamines, like MDEA, do not form stable carbamates, so there is one less
component in the MDEA-H3S-CO53-H70 system. In either case there are a large
number of binary parameters, molecule-molecule, molecule-ion pair, and ion pair-ion
pair can, in principle, be formulated for this system. However, because many of these

species are present in the liquid phase at low or negligible concentrations, parameters



associated with them do not significantly affect representation of VLE. Important
parameters in the system were identified by the statistical significance with which they
could be fitted on experimental VLE data. All water-ion pair and ion pair-water
parameters that could not be fitted with statistical significance were fixed at default
values of 8.0 and -4.0 respectively. Al alkanolamine-ion pair and ion pair-
alkanolamine binary parameters, and all acid gas-ion pair and ion pair-acid gas binary
parameters were fixed at values of 15.0 and -8.0, respectively. These default values
represent approximate average values of a large number of water-ion pair and organic
solvent-ion pair parameters reported by Chen and Evans (1986) and Mock et al. (1986)
respectively. All molecule-molecule parameters and ion pair-ion pair parameters not
fitted were fixed default values of zero.

Binary interaction parameters were assumed to be temperature dependent and

were fitted to the following function of temperature:

T =a+ bT (4.67)

4.4.2 Adjustable Parameters: Carbamate Stability Constant

There is very limited data reported in the literature for the carbamate stability
constant (Reaction 4g) of MEA, DEA, or DGA. Jensen et al. (1954) report a value of
the carbamate stability constant for both MEA and DEA, but only at 18°C. Chan and
Dankwerts (1981) measured the same constants in sodium bicarbonate solutions at 25°
and 40°C, but apparently they did not correct for affects of ionic strength. Likewise,
Mahajani and Dankwerts (1982) measured the MEA and DEA carbamate stability

constants in a 30% potash solution at 100°C. Again no correction was made for ionic
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strength. Hence, the carbamate stability constant was treated as an additional adjustable
parameter of the VLE model. The coefficients of equation (4.8) for the carbamate
stability constant were fitted, simultaneously with the appropriate interaction

parameters, on COz-alkanolamine-H0 ternary system VLE data.

4.4.3 Parameter Estimation with the Data Regression System of ASPEN
PLUS

The best values of a and b in equation (4.67) and the coefficients of equation
(4.8) for the carbamate stability constants were determined using the Data Regression
System (DRS) of ASPEN PLUS process simulator (Aspen Technology, 1985). The
DRS of ASPEN PLUS is based on the maximum likelihood principle for the estimation
of parameters in nonlinear implicit algebraic models. It has been developed specifically
for physical property models including vapor-liquid equilibrium models. DRS accepts
data measurements such as temperature, pressure, and mole fraction of either pure
component or multicomponent systems and calculates maximum likelihood estimates of
adjustable parameters and state variables for a set of user-selected physical property
models.

DRS employs two algorithms for estimating parameters - an algorithm based on
the work of Deming (1943) yielding an approximate estimate of physical property
modet parameters and the Britt-Luecke algorithm (Britt and Luecke, 1973) which yields
true rnaximum likelihood estimates of the parameters and is a refinement of the Deming
algorithm. Both methods were originally implemented as computer algorithms by Britt

and Luecke (1973). The attractive feature of these algorithms is that they take into
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account error in all measured variables resulting in a method that does not, in general,
distinguish between dependent and independent variables.

The maximum likelihood algorithms employed by DRS of ASPEN PLUS for
estimating parameters in physical property models leads to an equality constrained
minimization problem. Minimization is achieved through the use of Lagrange
multipliers.

For the estimation of the adjustable parameters (ie. binary energy interaction
parameters and carbamate stability constants) of the model presented here, it was found
that the Deming algorithm was more stable than the Britt-Luecke algorithm. While the
Deming algorithm is approximate in the sense that it does not lead to true maximum
likelihood estimates of the parameters, best values of the adjustable parameters of other
physical property models have been found, by this 2lgorithm, to be in good agreement
with values of the same parameters estimated by the Britt-Luecke algorithm (Britt and
Luecke, 1973). In this work, the Deming algorithm was used exclusively to estimate

parameter values.

4.4.4 Minimization Algorithms - Theoretical Development

The problem considered here is that of estimating parameters in nonlinear

algebraic (ie. physical property) models by fitting the models to experimental data. The

Consider a model in which an n-vector of unknown parameters 0 and a g-vector of
observable variables with true values z, at the time of measurement are related through

a k-vector of functions, f(z, 0) such that

f(z0,00) = 0 (4.68)
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Note thatq 2 k > n. Since dependent and independent variables are not distinguished
there is only a single vector of observable variables z. The important feature of this
approach is that all experimental data is used. In the Deming and Britt-Luecke
algorithms, the measured values of z, are assumed to contain random experimental

errors so that

Im = Zo + e (4.69)

where zp, is the g-vector of all measurements (ie., a vector containing values of T, P,
and x for all solubility measurements) and e is a g-vector of measurement errors. Zy is
treated as a vector of unknown parameters since it represents the true or error free
values of the measured variables. Therefore, maximum likelihood estimates of 0, and
Zg are made simultaneously.

An implicit assumption of maximum likelihood methods is that the error e is a
normally distributed random vector having zero mean and that the covariance between
different measured variables is zero, and that the variances of the variables are known
(through replicate measurements) or can be estimated. This yields a positive definite
variance-covariance q x q matrix, R, whose diagonal elements are the variable
variances. For a normal distribution of measurements errors, the joint probability

density function for the measurement vector zy, is given by
gm) = QORI exp (-0.5 (zm - 20)" R (zm - 20)})  (4.70)

In effect, the maximum likelihood method requires that the unknown parameters be

chosen is such a way as to make the experimentally measured values, zm,, appear most
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probable when taken as a whole (Anderson et al., 1978). The function g(zm) gives the
probability of obtaining the observed values zy, given the estimated true values z,,.

The likelihood function is obtained from the joint probability density function
by treating zo and O, as the variables (z, 0) giving

Lz 0) = Cry V2RIV exp (-0.5 (zm - z)T R (zm - 2)) 4.71)
where (z, 0) are constrained to those points which satisfy the equation
f(z,0) = 0 4.72)

Equation (4.72) represents physical constraints such as thermodynamic conditions for
phase equilibrium (isofugacity). DRS is capable of handling multiple such constraints.
The best estimates of the model parameters and zrue values of the measured
variables are those which maximize L(z, 0) subject to the model constraints, equations
(4.72). That is, any solution of the constraint equations (4.72) that maximizes the
likelihood function is a maximum likelihood estimate of (zo, O,). Maximizing L(z, )

is equivalent to minimizing the function

F(z, 0) = %—(zm - 2)TR (2 - 2) (4.73)
subject to the constraints
£z0) = 0 4.72)

This is an equality constrained minimization problem. The Deming and Britt-Luecke
algorithms minimize F(z, 0) subject to equations (4.72) through the use of Lagrange

multipliers.
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4.4.5 Appiication of the Data Regression System

In this work, the Deming algorithm was found to be significantly more stable
than the Britt-Luecke algorithm. For this reason, the Deming algorithm was used
solely to determine interaction parameters. To stabilize the regression algorithm
further, the DRS of ASPEN PLUS makes several state variable and property variable
transformations. Of relevance in this work are transformations of pressure, mole
fraction, and fugacity. Pressure is transformed by the function

P'=1InP
To prevent concentrations from taking on unrealistic values, apparent mole fractions,

Xa, are transformed by the function

ry = In (124)
where the bounds for x,; are zero and one, exclusive. Thus x"u varies from -oo to o as
Xj varies from zero to one. Finally, like pressure, fugacity is also transformed by the
function

f = Inf;

The minimization objective function for the vapor-liquid equilibrium model used

in this work is expressed as

(P't P'e)2 (Tt Te)2 (x|[ |ea=)2
2 + 5 + 5 4.74)

where the summation is over all M experimental measurements. In this application, x4

(which is transformed to x;i)is the apparent mole fraction of the acid gas. The apparent
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mole fraction of any component is calculated assuming that the electrolytes do not
dissociate. Therefore, the apparent mole fractions of all ions are zero. The actual liquid
phase mole fractions of all species are determined by solving the equations of chemical
equilibrium.,

T®, P*®, and x'ae are the experimentally measured values of the acid gas partial
pressure (transformed), system temperature, and liquid phase apparent mole fractions
(transformed). Tt, P't, and x'te are the estimated true values (ie. maximum likelihood
estimates) of the respective state variables corresponding to each measured data point.
Each term in the summation is normalized by the estimated experimental variance, o'lzjk'
of each of the measured variables, ie. temperature, pressure, and apparent liquid phase
mole fractions. The objective function is minimized by the adjustment of the true
variables and the model parameters, T, subject to the following constraints and bounds:

1. Vapor-liquid equilibrium constraints on acid gases, equation (4.4).

£2,0) = Inf - Inf, = 0

2. Chemical equilibrium constraints for all relevant reactions. This is an
implicit constraint

3. Parameter bounds:

T < T < Tpp

The equilibrium constraints represent, in effect, the VLE model. In this work,
iterations were repeated until || 6;,1 - 0, || was less than 2.01.

It is clear from equation (4.74) that it is not necessary to know the actual values
of the variable variances, o%k, but rather the relative values. This is fortunate because
this information is often not reported with experimental acid gas solubility data

published in the literature. Nor are replicate measurements often reported so that
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measurement errcrs can be estimated. It should be recalled that in the development of
Britt-Luecke and Deming maximum likelihood algorithms, it was assumed that
measurement errors are randomly and normally distributed. However. the results to be
presented in the Chapter Six suggest that errors in data from some data sources may not
be randomly distributed. That is, data from a number of literature sources appears to be
skewed especially at very low acid gas partial pressures and low acid gas liquid phase
loadings. As noted previously, this may be due to limitations in the precision with
which acid gas concentrations can be measured by gas chromatography (Mather,
1988). Data sets which obviously contained nonrandom errors were weighted less

heavily in parameter estimation than other data sets.

4.4.6 Parameter Variance and Correlation

One of the primary goals of a modeling effort of this nature is to provide a
means to confidently interpolate between and extrapolate beyond reported experimental
data. The latter is particularly important in view of the relative lack of experimental data
at low acid gas partial pressures. The confidence that is placed in interpolation and
extrapolation (prediction) with the model is dependent on both correct model
formulation and the quality of the data used to fit parameters of the model. This is
partly reflected in the variances of the estimated parameters.

The DRS system provides an estimate of the parameter estimation errors, based
on the assumption that the linearized form of the model is valid in a region about the
estimated maximum likelihood values of (Q,@) that includes the true values of the

variables and parameters (zo,0). Parameter estimation errors are reported in the
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parameter variance-covariance matrix. A discussion of the variance-covariance matrix
can be found in the text by Beck and Arnold (1977). The diagonal elements of this
matrix are the estimated variances of the various parameter values. The square roots of
these variances are estimates of the standard deviations of the parameter values. They
are, in effect, measures of the uncertainties in the estimated parameter values. The off-
diagonal elements of this matrix are the covariances between various adjustable
parameters. These are a measure of the correlation between corresponding parameters.

The correlation coefficient, p, between two parameters - 6; and 6; - is defined as

p(8;, 0) = 298 4.75)

where cov(8;, 6;) is the covariance between the two parameters 6; and 6j, and O, and
Cg; are the estimated standard deviations of the estimates of 6; and ;. Parameters that
are completely independent have a correlation coefficient of zero. Parameters that are
perfectly correlated have a correlation coefficient of +1. If two parameters are highly
correlated, it is difficult to determine them uniquely. ASPEN PLUS DRS also provides
the matrix of correlation coefficients corresponding to the parameter variance-
covariance matrix.

It is well known that the parameters of the NRTL equation are often highly
correlated (Renon 1985). Results of the work conducted by Chen and Evans (1986)
and results of this work, presented in Chapter Six, suggest that corresponding pairs of
water - ion pair interaction parameters of the Electrolyte - NRTL equation are also
highly correlated. A high level of correlation between parameters suggests that it might
be possible to reduce the number of adjustable parameters by formulating a single

parameter that is some combination of the highly correlated parameters. No such
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attempt was made in this work. However, for several binary interaction parameters,
the elements a and b of equation (4.67) were 2lso found to be highly correlated. In
such cases, the value of either a or b was often fixed at some arbitrary value and the

best value of the other parameter was determined by data regression,

45 _VLE Model Algorithm
4.5.1 Stand-Alone Model

The model described in the previous sections was first used to represent VLE
data for the acid gas - alkanolamine - water system within the framework of the Data
Regression System of Aspen Plus. The model has also been developed as a stand-
alone algorithm for use in applications outside the framework of ASPEN PLUS. The
ASPEN version of the model and the stand-alone model are virtually identical with
respect to the functions used to represent thermodynamic variables. However,
application of the model within ASPEN must, of necessity, be more general to facilitate
its use in a variety of flash (including bubble point and dew point) routines. The stand-
alone algorithm has been developed as a bubble point type routine only; at a specified
temperature and liquid phase composition, the total pressure and vapor phase
composition are calculated.

The purpose of this section is to briefly describe the stand-alone algorithm
which was coded in Fortran and implemented on a VAX 11/780 computer. The
thermodynamic variables which must be evaluated during execution are summarized in
Table 4.7 together with the functional dependence of each and with the parameters

required by each.
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Table 4.7 Thermodynamic variables evaluated during execution of VLE model.

Thermodynamic ~ Functional Parameters required for
Variables Dependence Evaluation
K W) T Coefficients of Eq. (4.8).
P; (solvents) T Coefficients of Eq. (4.9).
H? (acid gases) T Coefficients of Eq. (4.8).
dm T, x Tei, Pei, Vei, ZRAi of Egs. (4.10), (4.11).
Dm T, xw* A, B of Eq. (4.66).
Yi T, x P, Mn of Eq. .¢3.23};

1; of Eq. (4.56);

Z; of Eqgs. (4.56), (4.57); a of Eq. (4.57);

Tmm'; Tm'm, for all mm' pairs, Eq. (4.57);
Tca,m» Tm,ca, for all ca,m pairs, Eq. (4.57);
(note all ion pair - ion pair parameters are

fixed at values of zero).
V'i” (acid gases) T Brelvi-O'Connell characteristic volumes of
acid gases and water.
vi (solvents) T Tei, Peis Vei, ZrAi of Egs. (4.10), (4.11).
Og T, P Pi®; Tci, Pej of Eqs. (4.43), (4.44);
o; of Eq. (4.47).
o T, P,y Tei Pei of Egs. (4.43), (4.44); @; of Eq. (4.47).

*Xw is the vector of mass fractions of all species.
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The algorithm was developed so that one could calculate total pressure and
vapor phase partial pressures of all molecular components given temperature, T, the
vector of liquid phase apparent mole fractions of water and all alkanolamines on an acid
gas free basis, xng, and the vector of loadings, O, of H3S and/or CO», in moles of
acid gas per mole total alkanolamine. The subscript ‘agf' designates an acid gas-free-
basis. Recall that the apparent mole fraction of any component is its mole fraction
caiculated assuming no reaction occurs in the liquid phase; apparent mole fractions of
all ions are zero. x‘;gf is the vector of solvent mole fractions corresponding to the
alkanolamine concentration of interest. For example, if the user were interested in the
solubility of Ha$ or CO2 in a 2.5 molar MEA solution, then the vector x?{ would be
composed of the elements x28'(H,0)=0.95 and x*6/(MEA)=0.05.

~ The algorithm can be viewed as consisting of two separate sub-algorithms. The
first algorithm is responsible for determining the actual or true composition of the liguid
phase at equilibrium given temperature and the apparent composition of the liquid
phase. In this context, true composition refers to the composition of the liquid phase
corresponding to the equilibrium distribution of species. It should not be confused
with estimates of the frue (maximum likelihood estimates) measured state variables
generated during parameter estimation. The true composition is determined from the
apparent composition by minimizing the Gibbs free energy of the liquid phase.

Once the equilibrium distribution of components in the liquid phase has been
determined, the second algorithm is used to calculate total pressure, P, and the vapor
phase composition, y. Both algorithms are iterative. The first, hereafter referred to as

the chemical equilibrium algorithm, is illustrated in block diagram form in Figure 4.1.



The second algorithm, hereafter referred to as the phase equilibrium algorithm, is

illustrated in block diagram form in Figure 4.2.
4.5.2 The Chemical Equilibrium Algorithm

Given the temperature, T, apparent mole fractions of all solvents on an acid gas
free basis, x:‘gf, the acid gas loadings, O/H,s and Ol.co,, the indexing vectors, the
element abundance matrix, A, and the stoichiometric coefficient matrix, N, for a set of
independent chemical reactions, and the parameters listed in Table 4.5, the chemical
equilibrium algorithm determines the true liquid phase composition. All thermodynamic
variables in Table 4.7 that depend on temperature only (K, H;j, P?) are calculated on the
first iteration of each bubble point calculation only. From the equilibrium constants a
consistent set of standard state chemical potentials are calculated by the procedure
outlined in section 4.2.4. Apparent mole fractions of the acid gases are then determined
from the acid gas free apparent mole fractions of alkanolamines and the acid gas
loadings (in moles acid gas per mole total amine). Apparent mole fractions are
renormalized to unity.

Assuming a total of one mole of the liquid phase on an apparent basis, the
apparent mole fractions are mapped into the true mole number vector. All other mole
numbers (ie., mole numbers of all ionic species) are set to an arbitrarily small number.
In effect, the apparent mole fraction vector serves as an initial estimate of the true mole
numbers. In addition, apparent mole numbers of water, all alkanolamines, and all acid
gases are used to calculate the total mole numbers of all elements by equations (4.13).

In this work the elements are taken to be H, O, C, S, and amine (rather than N).

139



e
o e

140

Treating the amines as elements simplifies the element abundance matrix, -4, dat-it-also

leads to a negative entry for element ajj, where i = H and j = carbamate.

From the initial guess of the true mole number vector, the chemical potentials
of all species are calculated by equation (4.25). Given the initial estimates of all mole
numbers and all chemical potentials, and the element abundance and stoichiometric
coefficient matrices, A and N, the Smith - Missen algorithm, section 4.2.2, is executed
to update the mole number vector. An updated vector of chemical potentials is
calculated from the new mole number vector and the Smith - Missen algorithm is re-
executed. The mole fractions of all liquid phase species are renormalized on each
iteration so that ‘1,:, xj = 1. Iterations of this kind continue until true mole numbers do

not change significantly on consecutive iterations. Convergence is achieved when

X 18| < e

where nj is the true mole number of component i, Sn?n) is given by equation (4.31) and
€ input by the user.

The iterations described above constitute the inner loop of the chemical
equilibrium algorithm. The converged mole number vector, together with temperature,
are used to calculate a new estimate of the activity coefficients of all species using the
Electrolyte-NRTL equation, section 4.3.2. Recall that activity coefficients are assumed
to be independent of pressure. The new estimate of the activity coefficient vector is
passed to the inner loop which is re-executed yielding a new estimate of the true mole
fraction vector. The outer loop is repeated until the mole numbers of all species do not

change significantly on consecutive iterations. Convergence is achieved when
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m.axl(n;ml-n;“)/n;"l < E
1

where € is input by the user. When € is set to 1x10-5, 4 to 9 iterations of the outer loop

of the chemical equilibrium algorithm are executed before convergence is achieved.

4.5.3 Phase Equilibrium Algorithm

The output of the chemical equilibrium algorithm are the true mole fraction
vector and activity coefficient vector. Together with temperature, this information is
used by the phase equilibrium algorithm to calculate the vapor phase composition by
equations (4.4) and (4.7). The algorithm is iterative because the total pressure, which
is needed for determination of the fugacity coefficients of all vapor phase species, and
which is a variable needed for evalnation of the Poynting pressure correction factors of
equations (4.4) and (4.7), is unknown. However, convergence is generally rapid.

Initially, the vapor phase fugacity coefficients and Poynting factors of all
molecular components are set to unity and the total pressure is set to zero. The first
operation of the phase equilibrium algorithm is calculation of an initial estimate of the
vapor phase partial pressures, pj, of all molecular components by equations (4.4) and
(4.7). An estimate of the total pressure, Pr, is then calculated as the sum of the partial
pressures and vapor phase mole fractions are calculated from y; = pi/ P so that the
yi's automatically satisfy ¥ y; = 1. Using this estimate of Pt, the Poynting pressure
correction terms of equaltions (4.4) and (4.7) are evaluated and the liquid phase
standard state fugacities are adjusted for the affect of pressure. The partial pressures of
all molecular species are then recalculated and a new estimate of the total pressure is

made. Iterations continue until the following convergence criterion is achieved:



(PT* - PT)/PR < 1x103

The iterations described above constitute the inner loop of the phase equilibrium
algorithm. From the converged estimates of Py and y, the fugacity coefficients of all
species are (re)estimated using the Redlich-Kwong-Soave equation of state, section
4.3.1. The updated vector of fugacity coefficients is passed back to the inner loop
which is re-executed yielding new estimates of Pt and y. Iterations of the outer loop
continue until

miaxi(y{"“-y{")/y{“l <e

where € is input by the user. When eis 1 x 10-5, the phase equilibrium algorithm

generally requires 2 to 3 iterations of the outer loop to achieve convergence.
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Chapter Five

Measurement of COz Solubility in Mixtures
of MDEA with MEA and DEA

.1 _Experimental

Best values of the adjustable parameters of the Electrolyte - NRTL must be
determined by fitting the VLE model to experimental data. There are experimental H,S
and COz solubility data reported in the literature for aqueous solutions of MEA, DEA,
MDEA, and DGA. However, there are no data reported for CO; solubility in mixtures
of MDEA with MEA or DEA. Therefore, as part of this work it was necessary to
measure the CO; solubility in these aqueous mixtures. This data was used both to
validate the extended model for the mixed amine systems and to determine the best
values of unique parameters of the Electrolyte-NRTL equation for the mixed amine

systems.

5.1.1 Reagents

Commercial grade methyldiethanolamine (MDEA) was supplied by the DOW
Chemical Co. with a reported purity of not less than 99 weight percent. The stock
MDEA was analyzed by Texaco Chemical Co. (Moore, 1988) by gas chromatography
(GC) using a thermal conductivity detector. The GC column, 0.125 inches in diameter
and 4 feet long, was packed with 10 percent silicon OV101 and 10 percent Carbowax
20M on Chromsorb W support. Sample size was 1 microliter. Analysis by GC

145



showed less than 0.1 weight percent impurities on a water free basis. The impurities
appeared to be primarily diethanolamine. To remove primary and secondary amine
contaminants that might react with CO3 to form carbamates, and thereby affect
equilibrium measurements, the pure MDEA was vacuum distilled at approximately
110°C. Analysis of the distillate by GC indicated that the purified MDEA contained
less than 0.01 weight percent impurities on a water-free basis. Purified grade MEA
was obtained from Fischer Scientific Co. Reported purity was not less than 99 weight
percent MEA. Commercial grade DEA was obtained from Union Carbide Corp.
Reported purity was not less than 98.5 weight percent DEA with up to 1 weight percent
MEA and/or 1 weight percent triethanolamine (TEA) impurities. Both MEA and DEA
were used without further purification. Aqueous solutions of the alkanolamines were
prepared with distilled water.

Pure CO3 and three CO2/N2 mixtures were obtained from Big Three Industrial
Gas, Inc. The mixtures were 0.142, 0.995, and 9.60 mole percent CO9 respectively.
The 0.995 mole percent CO; standard was prepared gravimetrically with NRS traceable
(S) series weights. All other CO2 concentrations were substantiated by GC or using
calibrated continuous flow infared CO analyzers. Reported impurities in the mixtures

were less than 0.2 mole percent, the primary contaminant being Argon.

5.1.2 Apparatus arnd Procedure

The experimental equilibrium apparatus is shown in Figure 5.1. This was a
continuous flow apparatus. The system consisted of two 300 ml stainless steel

cylinders mounted vertically in a thermostated water bath. Each cylinder had a nominal
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height of 17 cm and diameter of 5 cm. Temperature was controlled to within + 0.2 °C
at 40°C and + 0.4 °C at 80°C. The first cylinder served as a water saturator. The
second cylinder served as the equilibrium cell and contained the alkanolamine solution.
Inserted through the top of each cell was a 0.25 inch stainless steel tube around which a
gas-tight seal was made with compression fittings. Inside each cylinder a #12C gas
dispersion tube was connected to the 0.25 inch stainless tube. The dispersion tubes
extended to the bottom of each cell, approximately 13 cm below the liquid surface;
approximately 230 ml ‘of solution was placed into each cell. The dispersion tubes
produced finely divided gas bubbles that provided a high contact area between the
bubbling gas and the liquid.

Precisely calibrated Brooks Mass Flow Controllers, Series 5850, powered and
controlled by a Brooks Controller, Model 5878, were used to deliver N2 and COy/N»
mixtures to the equilibrium apparatus. Total flow rate was maintained at 60 to
100 ml min-1. Several flow controllers were used with ranges of 0-10, 0-20, and 0-
100 ml min-1 allowing very precise adjustment of the CO3 content of the feed gas. The
flow controllers have a reported repreducibility of & 0.20 percent of full scale.

The effluent gas from the equilibrium cell passed through a condenser operating
at 0 - 10 °C to remove water and then to one of two infared CO; analyzers: a Horiba
Model PIR-2000 with three ranges - 0.0 to 0.2 mole percent, 0.0 to 0.6 mole percent,
and 0.0 to 1.0 moie percent CO,, or an Infared Industries, Inc. Model IR702 with two
higher ranges - 0 to 3 mole percent and 0 to 10 mole percent. The analyzers were
calibrated daily with the appropriate CO2/Nj gas mixtures.

As shown in Figure 5.1, the feed gas could also be delivered directly to one of

the infared CO;3 analyzers. During a solubility measurement, the CO; content of the
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feed gas was adjusted using the mass flow controllers until the CO3 concentration in the
feed gas was equal to the CO, concentration in the effluent from the equilibrium cell.
When the feed and effluent CO; concentrations were equal, the COg, partial pressure of
the feed gas was taken to be the COy partial pressure in equilibrium with the
alkanolamine solution. The system was operated at total pressures from 100 to
300 kPa. CO; solubility measurements could, therefore, be made over an effective
CO3, partial pressure range from 0.01 to 300 kPa. Aimospheric pressure was measured
daily with a calibrated barometer.

Samples of the alkanolamine solution were drawn from the side of the
equilibrium cell into 10 to 20 m! of a 0.5 or 1.0 kmol m-3 NaOH. Duplicate samples
were taken at each CO; partial pressure. The NaOH solution served to chemically fix
the solubilized CO; as CO; so that none would escape by flashing. The apparent COp
content of the solution was then measured using an Oceanography International model
525 carbon analyzer. A flow schematic of the carbon analyzer is showr. in Figure 5.2.

Using this apparatus, a 5 to 10 pl sample of the carbonated NaOH solution was
injected into a 25 weight percent H3POj4 solution. The H3POj4 served to revert the CO?
to CO2 which was swept with N3 to a dedicated Horiba CO3 infared analyzer. The
Horiba analyzer had an effective measurement range of 0.00 to 0.05 role percent CO,.
A zero to five volt output signal, representing CO; concentration, was sent from the
Horiba analyzer to a digital integrator. Injection of the carbonated NaOH solution was
repeated at least twice so that results could be averaged. Immediately prior to, and
immediately following analysis of each liquid sample, the liquid analyzer was calibrated
with 0.010 or 0.100 kmol m-3 aqueous solutions of NazCO3, prepared from certified

grade anhydrous sodium carbonate and boiled, deionized water. Using the weights of
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the undoped NaOH solution and the alkanolamine sample drawn into it, the densities of
each solution, the volume of carbonatcd NaOH injected into the phosphoric acid, and
the moles of CO; liberated, the apparent concentration of CO3 in the alkanolamine
solution was calculated.

The NaOH solution into which the alkanolamine sample was drawn was
prepared from boiled, distilled water and stored in an airtight bottle. As NaOH solution
was drawn from its storage bottle, air was admitted through a glass tube containing
ascarite to remove the CO; present in the air. A blank sample of the NaOH solution
was analyzed for total CO2 content at the same time that each carbonated NaOH sample
was analyzed. CO3 content in the NaOH solution varied from approximately 2 x 104
to 3 x 104 kmol m-3. Hence, the CO3 content of the stock NaOH solution could be
subtracted from the value measured for the NaOH solution doped with the carbonated
alkanolamine solution.

A third sample of the alkanolamine solution was taken from the equilibrium cell
at each CO; partial pressure so that apparent alkanolamine concentration could be
determined by titration with 1.00 kmol m-3 HCI. This procedure is accurate even when
the solution is partially loaded with CO (a weak acid) because HCl is a stronger acid
(lower pKa) than CO». As it is added to a loaded amine solution it preferentially
displaces CO2 as the amine protonating species. Molecular CO3 is thereby liberated
from the solution. The titration equivalence point, the point at which the amine was
fully neutralized (protonated) by the HCI, was determined by pH measurement. The
equivalence point was characterized by a pH of 3.5 to 4.0. From the weight of the
alkanolamine sample and its density and the volume of 1.00 kmol m-3 HCI required to

reach the equivalence point, the concentration of alkanolamine was calculated.
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Each solubility measurement took approximately 6 to 8 hours to complete. A
series of measurements was conducted over a several day period; usually one
measurement was made each day. A series of measurements was begun with a very
CO3 lean solution of alkanolamine in the equilibrium cell. Following completion of

.each measurement, after samples were withdrawn from the equilibrium cell for
determination of CO; loading and amine concehtration, 20 to 70 additional milliliters of
alkanolamine solution were removed from the cell. The total volume of alkanolamine
removed was replaced with a corresponding volume of the alkanclamine solution
presaturated with CO2 at atmospheric pressure.

During a period of several days, it was found that the apparent alkanolamine
concentration (on an acid gas free basis) would decrease slightly. This, of course, was
due to the fact that the activity of water in the equilibrium cell was lower than the
activity of water in the water saturator (where the activity was unity). As a result, there
was a net transfer of water from the saturator to the equilibrium cell. The drop in
alkanolamine concentration was, to some extent, offset by the addition of CO;3 rich
atkanolamine solution following each measurement. Over the course of several days,

the alkanolamine concentration usually did not decrease more that one percent.
5.1.3 Solution Density

In order to determine the liquid phase apparent CO; concentration, it was
necessary to know the density of the loaded aqueous amine mixtures. Solution
densities of carbonated single amine solutions (MEA, DEA, and MDEA) were taken
from the work of Licht and Weiland (1989). Densities of CO3 loaded 2 kmol m-3 MEA
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- 2 kmol m-3 MDEA mixtures and CO; loaded 2 kmol m-3 DEA - 2 kmol m-3 MDEA
mixtures (amine concentrations are reported on a CO; free basis) were measured usin g
a Paar DMA 46 density meter. Measurements were made at room temperature (23°C).
The density meter was calibrated with distilled water.

Amine mixtures containing various levels of CO; were prepared in the
following way for density measurement. Approximately 200 ml of the stock aqueous
amine mixture were saturated with CO; at atmospheric pressure. The density of the
saturated mixture was measured using the Paar density meter and the CO; concentration
(and loading) was determined using the Oceanography International carbon analyzer.
Care was exercised to prevent excessive exposure of the saturated amine mixture to air
to prevent loss of the CO; by flashing. The COj3 rich amine mixture was then mixed
with appropriate weights of the corresponding CO; free amine mixture in 25 ml
erlenmeyer flasks to obtain additional amine mixtures at lower CO, loadings. The CO,
concentration in each mixture was determined by mass balance. The densities of each
of these mixtures was then measured with the Paar density meter.

Results of the solution density measurements for carbonated 2 kmol m-3 MDEA
- 2 kmol m-3 MEA and 2 kmol m-3 MDEA - 2 kmol m3 DEA are summarized in Table
5.1 and presented graphically in Figure 5.3. The resuits of this work, ac well as those
of Licht and Weiland (1989), indicate that the density of an aqueous solution of MEA,
DEA, or MDEA, or a mixture of MDEA with MEA or DEA, increases as the loading of
CO2 increases. In fact, the results suggest that the density increases in such a way that
the total volume of a solution of alkanolamine changes little as it is loaded with CO».

This suggests that, as an approximation, the density of a carbonated alkanolamine
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solution can be calculated using only a knowledge of the density of the CO; free
solution and the total CO; loading.

The linearity and consistency of the results presented in Figure 5.3 also suggest
that density measurement may be a more precise means of measuring CO; content of

alkanolamine solutions.

Table 5.1.  Density of CO2 loaded 2.0 kmol m-3 MDEA - 2.0 kmol m-3 MEA and
CO3 loaded 2.0 kmol m-3 MDEA - 2.0 kmol m-3 DEA at 23 °C. Amine concentrations
are CO» free.

2 kmol m3 MDEA - 2kmol m3MEA 2 kmol m~3 MDEA - 2 kmol m-3 DEA

0co, (mol/mol)  p (g/ml) co, (mol/mol) p (g/ml)
0.0000 1.0250 0.0000 1.0440
0.0791 1.0395 0.0488 1.0647
0.180 1.0568 0.195 1.0769
0.256 1.0691 0.267 1.0884
0.338 1.0787 0.362 1.1029
0.436 1.0954 0.439 1.1138

0.523 1.1063 0.539 1.1274
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Figure 5.3  Densities of carbonated 2 kmol m-3 MDEA - 2 kmol m-3 MEA and 2 kmol
m-3 MDEA - 2 kmol m3 DEA aqueous mixtures at 23°C.
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5.2 Solubility M ¢ Result

The experimental method used in this work was tested by measuring the CO;
solubility in 2.5 kmol m3 MEA at 40 and 80°C and in 2.0 and 4.28 kmol m-3 MDEA
solutions at 40°C. Results of CO2 solubility measurements in 2.5 kmol m-3 aqueous
MEA are summarized in Table 5.2 and presented graphically in Figure 5.4 together
with data taken from the literature. As can be seen in Figure 5.4, measurements made
in this work for CO2 solubility in aqueous MEA are in good agreement with data of
Jones et al. (1959) and in good agreement with data of Lee et al. (1976a) except at the
lower temperature and at low CO3 loadings.

Results of CO3 solubility measurements in aqueous MDEA solutions are
summarized in Table 5.3 and are presented graphically in Figures 5.5 and 5.6 together
with data taken from the literature. Figure 5.5 shows that the COj solubility
measurements made in this work are in good agreement with corresponding
measurements made by Jou et al. (1982) for a 2.0 kmol m-3 aqueous MDEA solution at
40°C. Figure 5.6 reveals that there is slightly less agreement between CO; solubility
measurements made in this work with those of Jou et al. (1982) for a 4.28 kmol m-3
aqueous solution at 40°C at moderate loadings between 0.01 and 0.1 moles CO3 per
mole MDEA. However, agreement appears to be satisfactory 2t a COp loading of

0.003 moles CO; per mole MDEA and at higher loadings.
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Table 5.2.

Solubility of CO3 in 2.5 kmol m-3 MEA solution at 40 and 80°C.
Amine concentration is CO; free. &pg, =CO2 loading in mole CO2 / mole MEA.

T Pco, 0Co;, T  Pco, 0Co,

CC)  (Pa) S1 S2  (°C) &Pa) S1 S2

400 00934 0354 0351 80.0 101 0267  0.266
0298 0419 0415 7.04 0405  0.403
248 0500  0.502 1556 0591  0.592
92.6 0.676  0.698 2287 0620  0.620

S = Sample number.

Table 5.3.

Solubility of CO2 in 2.0 and 4.28 kmol m-3 MDEA solution at 40°C.

Amine concentrations are CO; free. oo, = CO; loading in mole CO2 / mole MDEA.

[MDEA] Pco,
(kmol m-3) (kPa)

xCo,

S1

S2

[MDEA]
(kmol m3) (kPa)

Pco;

0.Co;,

S1

S2

2.0 0.0056
0.0151
0.0452
0.177
0.419
0.887
6.95

92.8

0.00603 0.00600 4.28
0.0117
0.0215
0.0444
0.0740
0.113
0.362
0.842

0.0118
0.0216
0.0470
0.0740
0.113
0.351
0.838

0.118

0.585

3.04
93.6
93.6

0.0102 0.00314 0.00331

0.0140 0.0141
0.0367 0.0360

0.105
0.671
0.652

0.105
0.663

S = Sample number
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The agreement of the CO; solubility measurements in the aqueous MEA and
MDEA solutions made in this work with literature data suggested that the experimental
method employed here was valid. Therefore, CO3 solubility measurements were made
in aqueous mixtures containing 2 kmol m-3 MDEA plus 2 kmol m-3 MEA or
2 kmol m-3 DEA. An amine mixture such as this, equimolar in MDEA with a primary
or secondary amine, would not normally be used in an industrial gas treating
application for bulk CO; removal. The presence of such a high concentration of MEA
or DEA in an MDEA based solvent would negate the energy advantages of using
MDEA for CO2 removal. MEA or DEA would be used at lower concentrations
primarily to enhance the CO; absorption rate. However, one objective of this work
was to test the validity of the extended VLE model for the mixed amine/COj3 systems.
It was felt that the model would be most rigorously tested by comparing model
representation with experimental CO; solubility measurements in a mixture containing
relatively high concentrations of both MDEA and MEA or DEA. Furthermore, the only
additional/unique adjustable parameters that arise for the‘ mixed amine systems are
related to the protonated MDEA cation and the MEA or DEA carbamate anions. It was,
therefore, desirable to have high concentrations of both MDEA and MEA or DEA
simultaneously in the solution so that the model calculations would be sensitive to the
additional parameters.

Measurements of CO2 solubility in the mixed amine solutions were made at 40
and 80°C over the CO; pressure range from 0.05 to approximately 300 kPa. Most
measurements at 40°C were made at total pressures equal to atmospheric pressure.

Solubility measurements at 80°C were made at total pressures from 200 to 300 kPa.

161



162

Results of the COj solubility measurements in the amine mixtures are
summarized in Tables 5.4 and 5.5. These results are examined in relation to CO;
solubility in 4 kmol m-3 MDEA, 4 kmol m-3 MEA, and 4 kmol m-3 DEA solutions with

results of the modeling work in Chapter Seven.

e ems e —

Table 5.4.  Solubility of CO2 in 2.0 kmol m3 MDEA , 2.0 kmol m-3 MEA aqueous
solution at 40 and 80°C. Amine concentration is CO> free. 0o, = CO2 loading in
mole CO7 / mole amine.

T Pco, 0co, T  Pco, 0Co,
CC)  (kPa) s1 s2 °C) (Pa)  SI $2

40.0 0.0506 0.156 0.157 80.0 0.304 0.0756 0.0759

0.122  0.199 0.198 1.65 0.151  0.152
0.323  0.243  0.245 9.54 0257 0.256
0.724  0.289 0.286 111.8 0439  0.440
2.48 0.358 0.354 168.5 0486  0.482
8.99 0.446  0.449 258.2 0.524  0.526

51.7 0.601 0.594
93.1 0.649 0.649
203.7 0.710 0.726
312.9 0.781 0.777

%
» = Sample number.
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Table 5.5.  Solubility of CO; in 2.0 kmol m-3 MDEA , 2.0 kmol m-3 DEA Aqueous
Solution at 40 and 80°C. Amine concentration is CO2 free. oco, = CO2 loading in

mole CO, / mole amine.
T Pco, aco, T Pco, aCo,
°C) (kPa) S1 S2 (°C) (kPa) S1 S2
40.0 0.136 0.0748 0.0750 80.0 0455 0.0240 0.0242
0.276 0.107 0.107 1.42  0.0471 0.0469
0.769 0.171 0.171 9.06 0.132 0.130
2.24 0.257 0.256 120.0 0.373  0.379
5.92 0.341 0.340 178.4 0.440 0.432
24.2 0.492 0.486 259.1 0495 0.494
93.2 0.655 0.650
205.2 0.741 0.745
203.4 0.746 0.753
309.3 0.802 0.793

S = Sample number



Chapter Six

Representation of Equilibria in

H32S-CO3-Alkanolamine-Water Systems
6.1 Introduction

To achieve good representation of acid gas solubility in a.queoﬁs solutions of
alkanolamines it was necessary to fit the VLE model described in Chapter Four to
reported acid gas - alkanolamine - water VLE data. As discussed in Chapter Four, the
adjustable parameters of the model are the carbamate stability constants for MEA, DEA,
and DGA and binary energy interaction parameters of the Electrolyte - NRTL equation.
Best values of the carbamate stability constants and the adjustable NRTL binary
interaction parameters were determined by fitting the model to reported solubility data
using the Data Regression System (DRS) of ASPEN PLUS process simulator.

It is the purpose of this chapter to present a critical analysis of the quality of
representation of acid gas solubility in aqueous solutions of a single amine with the
VLE model presented in Chapter Four and to provide a summary and analysis of
adjusted parameter values. Prausnitz et al. (1980) suggest plotting residuals, the
difference between the estimated zrue values and the measured values of the state
variables, to evaluate representation of experimental VLE data. The frue values of each
measured state variable are the maximum likelihood estimates of the state variables that
are found during the course of data regression using the maximum likelihood method.
Good agreement between maximum likelihood estimates of state variables and
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experimentally measured values of state variables indicate good representation of the
data. Hence, residual plots provide a visual means of assessing quality of data
representation. They can also reveal random experimental error, consistent or
systematic experimental error, or a 'lack of fit' of the data by the model.

For the systems of interest in this work, reported values of the experimentally
measured state variables - partial pressure and acid gas apparent mole fraction - vary
over several orders of magnitude. Therefore, to provide scaling, the ratios of the true
to measured values of equilibrium acid gas pressure and apparent mole fraction in the

liquid phase were plotted rather than the residuals in order to evaluate representation.

6.1.1 Adjustable Parameters and Data Regession: A Review

There are three types of binary interaction parameters in the NRTL
contribution to the excess Gibbs energy or activity coefficient: molecule-molecule
(Tm,m' and Tm',;m), molecule-ion pair (Tm,ca and T¢a,m), and ion pair-ion pair
(with a common cation or anion) (Tcaca’ and Tea'ca OF Teac'a and Tc'aca)- Anadvantage
of local composition models such as the NRTL equation is that binary parameters of a
muiticomponent system and of its constituent binary systems are the same and no
higher-order parameters are required. Best values of these binary parameters for the
systems under consideration in this study were, therefore, determined by data
regression using binary and ternary system VLE data (TPx).

Using the DRS of ASPEN PLUS, molecule-molecule binary parameters
were first adjusted on experimental binary system (molecule-molecule, ie. amine-water)

data reported in the literature or provided by Texaco Chemical Company. Best values
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of molecule-ion pair and ion pair-molecule interaction parameters were then
determined by fixing molecule-molecule parameters at previously estimated values and
fitting molecule-ion pair parameters on ternary system (i.e. HyS-amine-H,0 and CO»-
amine-H20) VLE (Tpx) data reported in the literature. Best values of the carbamate
stability constants for MEA, DEA, and DGA were determined simultaneously with the
corresponding Electrolyte-NRTL parameters on COs-amine-water data. Following
Chen and Evans (1986) all ion pair-ion pair parameters were fixed at zero. Recall
that binary interaction parameters were assumed to be temperature dependent and were

fitted to the following function of temperature:
T =a + bT (4.67)

In the HS-CO2-alkanolamine-H70 system there are up to 8 ionic species and
4 molecular species present in the liquid phase (Am, HaS, CO,, H20, AmH+, H30+,
AmCOO-, HS-, S-2, HCO,, CO'32, OH-). Therefore, a large number of binary
parameters, molecule-molecule, molecule-ion pair, and ion pair-ion pair can, in
principle, be formulated for this system. However, as discussed earlier, many of these
species are present in the liquid phase at low or negligible concentrations. Hence,
parameters associated with them do not significantly affect representation of VLE.
Important parameters of the system, those that affected representation of alkanolamine-
acid gas-water VLE data, were identified by the statistical significance with which they
could be fitted on experimental VLE data as measured by estimates of the standard
deviations of the parameter values.

For all ternary systems (acid gas-alkanolamine-water), the only molecule-ion

pair and ion pair-molecule interaction parameters that could be estimated with statistical
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significance were those for which the molecule was water. This was not unexpected;
for VLE data reported in the literature, the other molecular species in the system,
alkanolamines and acid gases, are generally present at concentrations below 10 and 3
mole percent; water is usually present in excess of 90 mole percent.

All molecule-molecule parameters that could not be adjusted with statistical
significance were fixed at default values of zero. All water-ion pair and ion pair-water
parameters that could not be adjusted with statistical significance were fixed at default
values of 8.0 and -4.0 respectiveiy. All alkanolamine-ion pair and ion pair-
alkanolamine binary parameters and all acid gas-ion pair and ion pair-acid gas binary
parameters that could not be adjusted with statistical significance were fixed at values of
15.0 and -8.0, respectively. These molecule-ion pair and ion pair-molecule default
values represent approximate average values of a large number of water-ion pair and
organic solvent-ion pair parameters reported by Chen et al. (1982) and Mock et al.
(1986), respectively, for strong electrolyte systems.

The only additional Electrolyte-NRTL parameters that arise for the
corresponding single amine quaternary systems including both HyS and CO; (H»S-
CO2-amine-H20) are acid gas-ion pair and ion pair-ion pair parameters. Following the
approach adopted for ternary systems, these were fixed at default values. No additional
parameters were adjusted on quaternary system data. To test representation of reported
quaternary system data, parameters fitted on the binary and ternary systems were fixed
at best adjusted values or default values and maximum likelihood estimates were made
of reported experimental data (temperature, acid gas pressure, acid gas apparent mole

fractions in the liquid phase).
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52 Binary (Nonelectralte) System VLE R ati

Three constituent binary mixtures can, in principle, be formed from the acid
gas-alkanolamine-water system. These are the alkanolamine-water, acid gas-water, and
acid gas-alkanolamine mixtures. Since the first two (alkanolamine-water and acid gas-
water) are aqueous single weak electrolyte systems, and the degree of dissociation of
electrolyte in each is negligible except at high dilutions, chemical equilibria can be
ignored. Hence, the VLE model for these systems reduces to equations (4.4) and (4.7)
(isofugacity conditions).

It is not necessary to model VLE behavior of the acid gas-alkanolamine system
for the purposes of fitting the corresponding binary interaction parameters because there
are no data reported for these systems. Moreover, as suggested earlier, the binary
parameters associated with the acid gas-alkanolamine pair were found not to affect
representation of VLE data in aqueous solutions; because of chemical reaction, these
species are never simultaneously present in aqueous solution at significant
concentrations. Indeed, it was found that the corresponding binary interaction
parameters could not be adjusted with physical significance nor could values other than
zero lead to a substantially reduced objective function when they were adjusted on
ternary system (acid gas-alkanolamine-water) data.

It was noted earlier that the Electrolyte-NRTL equation reduces to the NRTL
equation (Renon and Prausnitz, 1968) when no ionic species are present in solution.
As suggested above, it is a valid to assume that no ionic species are present in aqueous
solutions of either an alkanolamine or an acid gas for the purpose of modeling the VLE

behavior of these binary systems. Hence, the NRTL equation was used to represent

168



169

activity coefficients in the relevant binary systems. The NRTL binary interaction
(molecule-molecule) parameters fitted on the binary system data are entirely
consistent with corresponding parameters of the Electrolyte-NRTL equation. The
NRTL equation also contains a single nonrandomness parameter corresponding to each
pair of interaction parameters (see equation 4.57). To be consistent with the approach
adopted for acid gas-alkanolamine-water systems, nonrandomness parameters for

binary molecular pairs were fixed at a value of 0.2.

6.2.1 Data Sources

Acid gas-water interaction parameters were fitted in the earlier work of Chen
and Evans (1986). Water-alkanolamine interaction parameters were fitted on
experimental VLE data reported in the literature or in-house VLE data provided by
Texaco Chemical Co. The data provided by Texaco Chemical have not been published.
They were employed in this work because there are very few reliable VLE
measurements for the DEA-water, MDEA-water, and DGA-water systems reported in
the literature.

As noted in section 4.4.5, the maximum likelihood method requires estimates of
the standard deviations of all measured state variables. These standard deviations are
used in the maximum likelihood objective function in a manner similar to the use of
weighting coefficients (for exampie, see equation 4.79). Standard deviations of
experimental data for the systems of interest in this work are rarely reported and few
replicate measurements are reported to allow estimation of standard deviations.

Fortunately, as suggested by equation (4.79) only relative values of the standard



deviations are important; absolute values of standard deviations are not necessary.
Therefore, estimation of standard deviations for all measured variables is equivalent to
implicitly assigning a weight to thie respective variable; the smaller the standard
deviation, the higher the weight. For binary systems, standard deviations were
generally estimatéd a8 foliows: or=0.2 K, op = 0.05 x pressure, and ox = 0.01. A
relative standard deviation was selected for pressure so that high pressure data would
not be weighted more heavily than low pressure data during minimization of the
objective function.

Sources of amine-water VLE data are summarized in Table 6.1 together with the
ranges of temperature, pressure, and amine composition over which the data extend.
The Data Regression System of ASPEN allows an explicit relative weight to be
assigned to data sets as a whole. These weights are not to be confused with weights
discussed above that are implicitly assigned to individual measured variables through
estimation of experimental standard deviations. The relative weights assigned to each

data source are also reported in Table 6.1.

6.2.2 Parameter Estimation Results

Fitted values of the NRTL binary interaction parameters (coefficients of
equation 4.67) for amine-water and acid gas-water systems are reported in Table 6.2
together with the corresponding standard deviations of the estimated parameter values.
Recall that the DRS system provides an estimate of the parameter estimation errors in
the form of the variance-covariance matrix based on the premise that a linearized form

of the VLE model is valid in a region about the maximum likelihood estimates of the
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Table 6.1. Summary of literature sources of experimental VLE data used for adjusting
amine-water binary interaction parameters.

Data Relative Amine mole Temperature Pressure

source weight fraction range range (°C) range (mm Hg)

MEA-H70

Touhara et al., 1.0 0-1 25.0, 35.0 0.48 - 42
1982

Nath and Bender, 1.0 0-1 60.0, 78.0, 91.7 9.8 - 568.8
1983

DEA-H,O

Texaco Chemical 1.0 02-0.38 444 - 183.2 49.5 - 746.8
1988*

Dow Chemical 0.1 0-1 37.8-115.6 10.2 - 680.0
1962

MDEA - H>O

Texaco Chemical 1.0 0.05-0.78 61.3-1594 145.6 - 748.3
1988*

Kuwairi, 1962 0.1 0.02, 0.045 45.0-155.8 7.33 - 428.9

DGA - H0

Texaco Chemical 1.0 0.25-0.76 68.9-154.9 89.6 - 742.9
1988*

* In-house data, not published.



Table 6.2. Fitted values of NRTL binary interaction parameters for alkanolamine -
H30 systems.

T =a + bT

Molecule Pair a Ca £{°K) Ob
HyO-MEA 1.674 0.24 0.00 *
MEA-H,0 0.000 * -649.75 38.1
H;O-DEA -0.965 1.64 1317.63 618.1
DEA-H,0 -0.661 0.64 -718.08 2339
H0-MDEA 3.895 0.12 - 0.00 *ox
MDEA-H,0 -2.471 0.03 0.00 ok
H>0-DGA 1.992 0.35 0.00 *
DGA-H;0 0.000 * -770.41 62.2
Hy0-H,S -3.674 T 1155.9 ' T
H>S-H0 -3.674 T 1155.9 T
H0-CO, 10.064 T -3268.14 T
CO2-HO 10.064 T -3268.14 T
== e — e ——————

o=02
*  Parameter fixed at bound, could not be estimated with statistical significance by

DRS.
**  Parameter was fixed at zero in DRS input file, no standard deviation was

estimated.

T Parameter was fitted in earlier work of Chen and Evans (1986), standard
deviations were not reported.



measured variables and model parameters. The diagonal elements of this matrix
represent the variances of the various estimated parameters. The square roots of these
variances are estimates of the standard deviations in the parameters. They are, in effect,
measures of the uncertainties in the parameter estimates. That is, the standard deviations
reported in Table 6.2 are a measure of the statistical significance with which each of the
corresponding parameters could be estimated.

As the results summarized in Table 6.2 indicate, one of the coefficients of
equation (4.67) for each of the corresponding binary interaction parameters were
assigned a value of zero for several of the amine-water mixtures. This occurred either
because the parameter values encountered a bound during minimization of the objective
function (MEA and DGA) or they were fixed at zero because it was evident that little
improvement in VLE representation could be made by adjusting the parameter. For
MEA, MDEA, and DGA, parameters other than those fixed at zero were determined
with a high degree of confidence as implied by the low values of the parameter standard
deviations relative to the absolute pararneter values. The parameters corresponding to
the DEA-water mixture reported in Table 6.2 have high parameter standard deviations.
As will be shown shortly, the reported DEA-water parameters allow for very good
representation of the data to which they were fitted even though the parameters are not
well determined. It appears likely that the poor confidence in the DEA-water
parameters is due to a high degree of correlation between the corresponding parameters.

Recall that the off-diagonal elements of the variance-covariance matrix represent
the covariances between adjustable parameters. Covariances are a measure of the
correlation between corresponding parameters. The correlation coefficient, p, between

two parameters - 61 and 03 - is defined as
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p(8y, 0) = So¥(©1.62) (4.75)

G910,

where cov(81, 07) is the covariance between the two parameters 01 and 62, and Op,
and Gy, are the estimated standard deviations of the parameters 01 and 6. Parameters
that are completely independent have a correlation coefficient of zero. Parameters that
are perfectly correlated have a correlation coefficient of 1. If two parameters are
highly correlated, it is difficult to determine them uniquely. ASPEN PLUS DRS
produces the matrix of correlation coefficients corresponding to the parameter variance-
covariance matrix. The elements of the correlation coefficient matrix are estimated
correlation coefficients for corresponding adjustable parameters.

It is well known that the parameters of the NRTL equation are often highly
correlated (Renon 1985). Correlation coefficient matrices for the relevant ﬁne-water
mixtures are reported in Appendix B. The correlation coefficient matrices in Appendix
B for the amine-water systems show that the NRTL parameters for the amine-water
systems of interest in this work are, indeed, highly correlated. In particular, the
correlation coefficient matrix for the DEA-water system indicates that the coefficients
‘a’ and 'b' of equation (4.67) for each binary interaction parameter of the DEA-water
system (ie., TDEA-H,0 and Tyy,0.pEa parameters) are highly correlated. Moreover, 'a'
coefficients of the corresponding binary interaction parameters are highly correlated as
are 'b' coefficients for the DEA-water system. This high degree of correlation may be
the cause of the large relative standard deviations in parameters for the DEA-water

system.,

174



6.2.3 Binary System Data Representation

Figures 6.1 through 6.8 are graphical summaries of the ratios of estimated true
(maximum likelihood estimates) to experimentally measured values of equilibrium
system pressure (total) and liquid phase mole fraction of amine. Because of the small
standard deviation assigned to experimentally reported values of system temperature,
estimated frue values of the system temperature were always in close agreement with
measured values. It was, therefore, unnecessary to examine similar plots for
temperature,

Each data point on Figures 6.1 through 6.8 represents a unique state variable
(either pressure or composition) measurement used in parameter estimation. For MEA-
water mixtures, data at different temperatures were given different plot symbols, and
for DGA-water mixtures, data at different mole fractions were given different plot
symbols. Also note that for the MEA-water system, ratios of the true to measured state
variables are plotted against MEA mole fraction while for all other systems the
corresponding ratios were plotted against total system pressure. This was done simply
as a matter of convenience. The TPx data supplied by Texaco for DEA, MDEA, and
DGA water mixtures reported pressure and temperature measurements at three (widely
ranging) amine mole fractions cnly. Hence, plots of the ratios of state variables for
MEA-, DEA-, and MDEA-water mixtures yield more information when ratios are
plotted as a function of pressure rather than as a function of mole fraction.

If all experimental data were error-free, and if the VLE model fit the data
perfectly, all ratios of the true to measured equilibrium system pressures and liquid
phase mole fractions in Figures 6.1 shrough 6.8 would assume values of unity. It can

be seen in these figures that most values of the pressure and amine mole fraction ratios
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lie in a band within 2.5 to 5 percent of unity. These results suggest that the NRTL
equation satisfactorily represents activity coefficients of amine and water in the
represented amine-water mixtures.

While the absolute values of the pressure and amine mole fraction ratios suggest
that the data are well represented by the model, there appears to be a slightly
nonrandom distribution of ratios about a value of unity for the MEA-water and DGA-
water mixtures. The nonrandom distribution is clearly seen in Figures 6.7 and 6.8 for
the DGA-water mixture; the values of both the pressure and mole fraction ratios ar=
consistently above unity for DGA mole fractions of 0.252 and 0.398, and consistently
below unity for a DGA mole fraction of 0.764. Still, the proximity of the pressure and
amine mole fraction ratios to unity for all pertinent amine-water mixtures suggests that
the apparent lack of fit as a function of amine concentration is relatively unimportant.

As noted earlier, the nonrandomness parameters, o, corresponding to all amine-
water mixtures, were fixed at a value of 0.2. To improve representation of the amine-
water VLE data, the nonrandomness parameters could have been treated as adjustable,
and best values of these parameters could have been estimated simultaneously with the
binary interaction parameters.

It was also noted earlier that acid gas-water parameters were taken from the
work of Chen and Evans (1986). Since they used the same CO; and H3S Henry's
constants in equation (4.4) to fit the CO; and HpS NRTL binary interaction parameters
as those adopted here, the use of the parameters reported by Chen and Evans in this
work is valid. In estimating the H2S-water and COg-water binary energy interaction
parameters on HzS and CO» solubility data, Chen and Evans (1986) also used a value

of 0.2 for the corresponding nonrandomness parameters, 0(CO, and Oi,s,
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Figure 6.1 Comparison of maximum likelihood estimates and experimentally
measured values of total system pressure in MEA-water mixtures. Nath
and Bender, 1983: (®)60°C; (B ) 78°C; (A ) 92°C. Touhara et al.,
1982: (®)25°C; (m)35°C,
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Figure 6.2 Comparison of maximum likelihood estimates and experimentally
measured values of the liquid phase mole fraction of MEA in MEA-water
mixtures. Nath and Bender, 1983: (8 ) 60°C; (B8 ) 78°C: (a)92°C,

Touhara et al., 1982: (® )25°C; (®)35°C.

_‘_%—



179

1.10
o
o®
1.05T e»
.'om“ d o]
a e O a E [ ) .
é ..B of o EFE ﬂﬂ a ] @ @ a
E g o § Eﬂ -
E: ". ® g 9 o ° “
®
0.95 [%e
®e o6
oo,
0.90 . 18 —— 1 . 1 2
0 200 400 600 800
Total Pressure (mm Hg)

Figure 6.3 Comparison of maximum likelihood estimates and experimentally
measured values of the total pressure in DEA-water mixtures. (@) Texaco
Chemical Co., 1988; (® ) Dow Chemical Co., 1962 (weight =0.1).
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Figure 6.4 Comparison of maximum likelihood estimates and experimentally
measured values of the liquid phase mole fraction of DEA in DEA-water
mixtures. (¥ ) Texaco Chemical Co., 1988; (® ) Dow Chemical Co.,
1962 (weight = 0.1).
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Figure 6.6 Comparison of maximum likelihood estimates and experimentally
measured values of the liquid phase mole fraction of MDEA in MDEA-
water mixtures. (8 ) Texaco Chemical Co., 1988.
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Figure 6.7 Comparison of maximum likelihood estimates and experimentally
measured values of the total system pressure in DGA-water mixtures.
Texaco Chemical Co. 1988: (&) x(DGA)=0.764; (B ) x(DGA)=0.398;
(® ) x(DEA)=0.252.
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6.2.4 Nonideality in the Binary Systems

The results of modeling the binary alkanolamine-water VLE data suggest that
the alkanolamine-water liquid mixtures of interest in this work exhibit strong negative
deviations f%rom ideality. This was ascertained by fixing the NRTL binary interaction
parameters at the adjusted values and generating the excess Gibbs energy (relative to
RT) and activity coefficients for each of the relevant alkanolamine-water mixtures. The
excess Gibbs energies of aqueous solutions of MEA, DEA, MDEA, and DGA are
plotted as functions of water concentration in Figure 6.9 at 298.15 °K. The results
indicate that for the systems of interest in this work, molar excess Gibbs energy varied

in the following order:

ex . ex ex ex
EDEA-waer = EDGA-water < 8MEA-water < SMDEA-water

This suggests that DEA-water and DGA-water mixtures exhibit the strongest deviations
from ideality.

Through the measurement of vapor pressures, De Oliveira et al. (1980) also
found that the MEA-water and DEA-water systems (as well as the triethanolamine-
water system) exhibited strong negative deviations from ideality, which, they suggest,
is due to the formation of hydrogen bonds between ethanol groups and water.
Unfortunately De Oliveira and coworkers did not report the conditions of temperature
or pressure at which they made vapor pressure measurements. However, they did

conclude that

ex ex
gDEA-water < gMEA-waler

in agreement with the results shown in Figure 6.9.
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Figure 6.9 Representation of the melar excess Gibbs energy of aqueous solutions of
MEA, DEA, MDEA, and DGA at 298.15 °K with the NRTL equation.
Parameters of the NRTL equation for these amine-water mixtures are
summarized in Table 6.2
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Touhara et al. (1982) report vapor pressures, molar excess enthalpies, and
densities of 2-aminoethanol (MEA) - water, N-methyl-2-aminoethanol - water, and
N,N-dimethyl-2-aminoethanol - water mixtures measured at 298.15 and 308.15 °K
over the entire composition range. Touhara and coworkers found that, in accordance
with the general characteristics of aqueous solutions of highly hydrophilic compounds,
the signs and relative magnitudes of the molar excess functions varied according to

0 > g&x > TseX > hex, vex < (
€XCepi for aminoethanol-rich solutions of N,N-dimethyl-2-aminoethanol where gé* was
found to be slightly positive. In addition, they found the molar excess Gibbs energy to
be smallest in the MEA-water solution and to increase rapidly as methyl groups were
added, so that the molar excess Gibbs energy was greatest in the N,N-dimethyl-2-
aminoethanol-water solution.

Touhara and coworkers concluded that there are, in effect, opposing
contributions from the molar excess entropy and enthalpy to the molar excess Gibbs
energy in the systems studied. These effects are best understood by expressing the
molar excess Gibbs free energy in terms of the molar excess entropy and enthalpy:

gftX = hex . Tsex (6.1)
Touhara indirectly measured géx (by vapor pressure measurement) and directly
measured heX (by calorimetric measurements) and used equation (6.1) to calculate molar
excess entropies. The negative excess entropies inferred from their results indicate that
the aminoethanols which they studied are hydrophobic and that the degree of
hydrophobicity increases rapidly with the addition of methyl groups to the amine.
However, they also concluded that the mixing process is enthalpy controlled due to

strong hydroger. bonding between water and the alkanolamine as indicated by the
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measured large negative excess enthalpies. In effect, the alkanolamine-water systems
studied by Touhara and coworkers exhibit negative deviations from ideality because
enthalpic effects are generally predominant over entropic effects.

The results of De Oliveira et al. (1980) and Touhara e al. (1982) provide an
explanation for the relative deviations from ideality of the MEA-water, DEA-water, and
MDEA-water mixtures as indicated by the positions of the molar excess Gibbs energy
curves in Figure 6.9. As already noted, the results of De Oliviera et al. indicate that the
DEA-water system should exhibit greater deviations from ideality than the MEA-water
mixture, perhaps because DEA can potentially form a greater number of hydrogen
bonds with water. The results of Touhara et al. suggest that the addition of a methyl
group to the amino group in DEA leads to a higher degree of hydrophobicity, a greater
negative molar excess entropy, and therefore, a larger (less negative) molar excess
Gibbs energy in accordance with the relationship shown in Figure 6.1.

It is difficult to speculate about how the molar excess Gibbs energy of a DGA-
water solution should behave relative to the other alkanolamine-water mixtures studied
here based on the studies of De Oliveira et al. or on the studies of Touhara et al.
Texaco's data, and the analysis presented here, suggest that DGA behaves like DEA in
aqueous solution with respect to the excess Gibbs energy, perhaps because the
additional oxygen in ethoxy group positioned between the ethanol group and the amino
group (see Figure 1.2) is also capable of hydrogen bonding.

Negative deviations from ideality lead to activity coefficients that are smaller
than unity. Activity coefficients for both alkanolamine and water are shown over the
entire composition range for the binary mixtures MEA-water, DEA-water, MDEA-

water, and DGA-water in Figures 6.10 through 6.13. These figures reveal that values
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of the activity coefficients of MEA, DEA, and DGA are well below unity at 298.15 °K
in the dilute amine region. The relative degrees to which activity coefficients of the
various amines vary from unity in Figures 6.10 - 6.13 is qualitatively consistent with
the degrees to which the (normalized) molar excess Gibbs energies vary from zero in
Figure 6.9. Except for MDEA, alkanolamine activity coefficients vary from unity to the
greatest extent at infinite dilution.

In practice, the mole fraction of alkanolamine in an acid gas-alkanolamine-water
system generally varies from near zero to 0.2. Hence, accurate representation of amine
activity coefficients in this region is important, especially for determining the
composition of the liquid phase at chemical equilibrium.

Figure 6.12 indicates that activity coefficients in the MDEA-water mixture do
not vary from unity to as great an extent as activity coefficients in the MEA-water,
DEA-water, and DGA-water mixtures. Moreover, the activity coefficient of MDEA
behaves differently than the activity coefficients of MEA, DEA, and DGA in the dilute
region. Interestingly, in fitting molecule-ion pair parameters to ternary system data, it
was found that better representation of H3S-MDEA-H70 and CO2-MDEA-H,0 data
could be achieved by fixing the corresponding pair of MDEA-water interaction
parameters at zero rather than at the values reported in Table 6.2. It is unclear if this
was due to inaccurate binary system data, leading to incorrect MDEA-water interaction
parameters, inaccurate ternary system data (acid gas-MDEA-water) that was simply
better represented with MDEA-water interaction parameters fixed at zero, or some
anomolous behavior of the MDEA systems that was not accounted for explicitly by the

model but was better treated by fixing MDEA-water parameters at zero.
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Activity coefficients of HS and CO3 in aqueous solution are shown in Figures
6.14 and 6.15 at 298.15 °K to a solute mole fraction of 0.045. In practice, the
concentration of unreacted acid gas rarely exceeds this concentration. Activity
cocfficients for the COy-water and HpS-water systems were generated with the NRTL
equation using values of the corresponding binary interaction parameters reported by
Chen and Evans (1986). Note that the acid gas activity coefficients are
unsymmetrically normalized so that

Inyw > lasxy >1 and Inyy > 1asx;— 0
Figures 6.14 and 6.15 reveal that deviations from ideality are relatively minor in both
acid gas - water systems. At 298.15 °K, the activity coefficient of HjS is slightly less
than unity in aqueous solution while the activity coefficient of CO; is greater than unity
in aqueous solution in the same concentration range. In neither system does the activity
coefficient vary significantly from this value. In view of the activity coefficient
normalization convention, this behavior is expected because the mole fraction of water
is near unity. Figure 6.16 shows that at higher temperatures, the activity coefficients of
H2S and CO; reverse with respect to unity. Gibbs and Van Ness (1971) reported
similar findings for the behavior of the CO; activity coefficient as a function of

temperature in the CO; - water system.
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Figure 6.10 Representation of component activity coefficients in an MEA-water
mixture at 298.15 °K with the NRTL equation. Parameters of the NRTL
equation for the MEA-water mixture are reported in Table 6.2.
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Figure 6.11 Representation of component activity coefficients in a DEA-water mixture
at 298.15 °K with the NRTL equation. Parameters of the NRTL equation
for the DEA-water mixture are reported in Table 6.2.
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Figure 6.12 Representation of component activity coefficients in an MDEA-water
mixture at 298.15 °K with the NRTL equation. Parameters of the NRTL
equation for the MDEA-water mixture are reported in Table 6.2.
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Figure 6.13 Representation of component activity coefficients in an DGA-water
mixture at 298.15 °K with the NRTL equation. Parameters of the NRTL
equation for the DGA-water mixture are reported in Table 6.2.
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Figure 6.14 Representation of component activity coefficients in an HpS-water mixture
at 298.15 °K with the NRTL equation at low H3S mole fractions.
Parameters of the NRTL equation for the HyS-water mixture are reported

in Table 6.2. The activity coefficient of HpS is unsymmetrically
normalized.
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Figure 6.15 Representation of component activity coefficients in an COs-water mixture
at 298.15 °K with the NRTL equation at low COy mole fractions.
Parameters of the NRTL equation for the CO5-water mixture are reported
in Table 6.2. The activity coefficient of CO; is unsymmetrically
normalized.
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63 Ternarv System VLE Representation
6.3.1 Data Sources

To determine best values of the molecule-ion pair and ion pair-
molecule interaction parameters, the molecule-molecule interaction parameters
were fixed at values estimated from binary system (acid gas-water and alkanolamine-
water) data and the VLE model was fitted to ternary system (alkanolamine-acid gas-
water) VLE data. There is a large body of experimental HpS and CO, solubility data
reported in the literature for aqueous alkanolamine solutions. To make the job of
pararaeter estimation tractable, only those solubility measurements published after 1956
were used in estimating molecule-ion pair parameters.

Literature sources used in fitting all parameters are summarized in Table 6.3.
There is significant scatter of experimental data both within and between the different
data sources. By using several sources of experimental data for parameter estimation,
the best parameter values were determined to represent the data as a whole. Asa result,
some data sets are better represented by the model than others. With a few exceptions
at high temperatures, individual measurements within each of the data sets summarized
in Table 6.3 were weighted equally (weight = 1). In the absence of information
regarding the quality of the reported experimental VLE data it was felt that this was the
best approach. Only when data from a specific source was clearly in poor agreement
with all other sources of similar data was it weighted with a value less than unity.

Ternary system (Tpx) data are generally reported in the literature as equilibrium

acid gas partial pressures and equilibrium acid gas loadings in an aqueous solution of
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specified amine concentration; vapor phase concentrations of the solvents - water and
alkanolamine - are not reported. Therefore, the molecule-ion pair parameters were
fitted on acid gas phase equilibria only and solvent phase equilibria were neglected. In
addition, liquid phase concentrations of acid gas are reported as acid gas loadings
(moles acid gas/mole amine) at a given total amine concentration (usually reported as
acid gas free amine concentration at room temperature). The Data Regression System
of ASPEN PLUS requires liquid phase concentrations in terms of mole fractions (or
molalities). Hence, it was necessary to convert acid gas loadings to mole fractions for
all measurements used ir: estimating parameters.

Like binary system data reported in the literature, standard deviations of
experimental measurements for ternary systems (of interest in this work) are generally
not reported and few replicate measurements are reported to allow estimation of
experimental error. Therefore, estimates of experimental standard deviations for
ternary system data were based partly on deviations of initial maximum likelihood
estimates from reported measured values of the state variables and partly on the
author's judgement based on his own experience in making acid gas solubility
measurements. The following standard deviations were assigned to experimental
ternary system data for MEA and DEA systems: o7=02K, op = 0.1 x pressure,
OxXacid gas = 005 x mole fraction, and Oxamine = 0-02 x mole fraction.

MDEA ternary system data from different sources were generally found to be in
poor agreement. Therefore, acid gas partial pressures and liquid phase apparent mole
fractions were assumed to have higher experimental standard deviations: o1=0.2 K,
op = 0.15 x pressure, OXacid gas = 0.1 x mole fraction, and 6xamin. = 0.02 x mele

fraction. In addition, the MDEA system data reported by Jou et al. (1982) are believed
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to be significantly in error at very low acid gas pressures and high acid gas loadings
(Mather, 1988). Therefore, measurements at acid gas partial pressures below 0.01 kPa
and acid gas loadings above 1.2 moles acid gas/mole MDEA reported by Jou et al.
(1982) were not used in parameter estimation.

Finally, the following standard deviations were assigned to experimental ternary
system data for DGA systems: or=0.2K, op=0.2x Pressure, Ox,.;4 gas = 0.15x
mole fraction, and Gxamine = 0.02 x mole fraction. DGA ternary system reported by
Dingman et al. (1983) were also believed to contain error at low acid gas partial
pressures (Moore, 1989). Therefore, measurements at acid gas partial pressures below

0.5 kPa reported by Dingman et al. (1983) were not used to estimate parameters.

6.3.2 Parameter Estimation Results: Electrolyte-NRTL Parameters

Fitted values of the coefficients of equation (4.67) for Electrolyte-NRTL binary
molecule-ion pair and ion pair-molecule interaction parameters are reported in
Table 6.4 together with the corresponding standard deviations and interaction parameter
values at 298.15 °K. As was noted earlier, the only molecule-ion pair and ion pair-
molecule interaction parameters that could be estimated with statistical significance for
any of the ternary systems were those for which the molecule was water. Moreover,
the only ions that were found to affect representation of VLE through molecule-ion pair
interaction parameters were protonated amine, bisulfide, bicarbonate, and carbamate (of

MEA, DEA, DGA) ions.



Table 6.3. Summary of literature sources of experimental VLE data used for

estimating molecule - ion pair binary interaction parameters in the single acid gas -
single alkanolamine - water systems.

Data Amine ¢ Temperature Acid Gas
Source Concentrations Range (°C) Loadings
Lee et al. (1976a) 1.0, 2.5, 3.75, 5.0 M 25-120 0.09 - 2.0
Isaacs et al. (1980) 25M 80, 100 0.04 - 0.32
Lawson and Garst (1976) 15.2, 30.0 wt% 40 - 140 0.11 - 1.00
Jones et al. (1959) 15.3 wt% 40 - 140 0.13-0.73
Muhlbauer and

Monaghan (1957) 25M 25, 100 0.46 - 0.74
Leeetal. (1974) 25,50M 40, 100 0.12 - 1.55
Lee et al. (1976b) 2.5,50M 25-120 0.21 - 1.61
Lawson and Garst (1976) 15.2, 30.0 wt% 40 - 140 0.005 - 1.63
Jones et al. (1959) 153 wt % 40 - 140 0.025 - 0.97
Muhlbauer and

Monaghan (1957) 25M 25, 100 0.20 - 0.93
Leeetal. (1972) 0.5, 20,35,5.0M 25-120 0.03 - 3.32
Lal et al. (1985) 20M 40, 100 0.005 - 0.37
Lawson and Garst (1976) 25, 50 wt% 38-120 0.32 -1.17
DEA-H;S-H,0:
Lee et al. (1973a) 20,3.5M 25-120 0.07 - 1.55
Lee et al. (1973b)++ 05,50 M 25-120 0.02 - 3.29
Lal et al. (1985) 20M 40- 100 0.007 - 0.22
Atwood et al. (1957) 10, 25, 50 wt% 27-60 0.005 - 1.00
Lawson and Garst (1976) 25, 50 wt% 38-150 0.004 - 1.58

Continued on following page.



Table 6.3. Continued - Summary of literature sources of experimental VLE data
used for estimating molecule - jon pair binary interaction parameters in the single acid
gas - single alkanolamine - water systems.

Data Amine Temperature Acid Gas

Source Concentations Range (°C) Loadings

MDEA-QQZ-HZQ;

Jou et al (1982)* 2.0,4.28 M 25-120 0.001 - 3.22

Jou et al. (1986) 3.04 40, 100 0.002 - 0.80

Bhairi (1984) 1.0,2.0 M, 25-116 0.16 - 1.51
20 wt %

MDEA-H,S-H,0:

Jou et al. (1982)* 1.0, 2.0, 428 M 25-120 0.001 - 1.83
Jou et al. (1986)** 3.04 M 40- 80 0.004 - 1.08
Bhairi (1984) 1.0 M, 20 wt % 25-116 0.18 - 2.17
A-COy-Hy

Martin et al. (1978) 60 wt % 50, 100 0.13 - 0.80
Dingman et al. (1983)*** 65 wt % 38- 82 0.003 - 0.59
DGA-H)S-Hy0Q;

Martin et al. (1978) 60 wt % 50, 100 0.06 - 1.09
Dingman et al. (1983)*** 65 wt % 38-82 0.003 - 0.85

—_—,——
T Amine concentrations are acid gas free. 1T Only data points with an H2S loading of

less than 1.66 moles per mole amine were used in data regression. * Only data points
with an acid gas equilibrium partial pressure greater than 0.1 kPa and a loading less
than 1.2 moles per mole amine were used in data regression. ** Also reported data at
50 wt % MDEA that was not used in data regression. *** Only data points above an
acid gas loading of 0.10 moles per mole amine were used in data regression.
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Several trends are evident in the water-ion pair and ion pair-water parameters
reported in Table 6.4. In general, values of water-ion pair and ion pair-water
interaction parameters at 298.15°K are in relatively good agreement with defauit values
of 8.0 and -4.0 respectively. Recall that these default values represent approximate
average values of a large number of water-ion pair and ion pair-water parameters
reported by Chen et al. (1982) for aqueous strong electrolyte systems. Noie also that
most of interaction parameters are well defined as indicated by the relatively small
values of the associated parameter standard deviations. Standard deviation is less than
20% of the parameter value for many of the adjusted interaction parameters.

The temperature dependence of the adjusted interaction parameters also exhibits
interesting trends. Most of the HoO-RR'R"NH+,HS- and H20—RR'R"NH+,HCO:,,
interaction parameters appear to be relatively strong functions of temperature as
indicated by the relative contribution of the temperature dependent term of equation
(4.67) to the interaction parameter. However, the H>O-RR'R"NH+,RR'NCOO-
interaction parameters were found to be weak functions of temperature or completely
independent of temperature. All jon pair-water interaction parameters were also found
to be weak functions of temperature or independent of temperature. Finally, the H2O-
RR'NH;,RR'NCOO- and the RR'NH},RR'NCOO--H;0 interaction parameters
assumed the largest (absolute) values among all adjustable parameters for all systems
(MEA, DEA, and DGA).

As noted earlier, it is known that the parameters of the NRTL equation are often
highly correlated (Renon 1985). Results of the work conducted by Chen and Evans
(1986) and results of this work suggest that corresponding pairs of water - ion pair

interaction parameters of the Electrolyte - NRTL equation are also highly correlated.



Table 6.4 Fitted values of NRTL molecule - jon pair binary interaction parameters
for COz-alkanolamine-H20 and H3S-alkanolamine-HO systems.

= a + BT
Parameter a o b(°K) Cp 1(25°C)
RNHZ = MEA
H>0O-RNH3+,HS- 6.844 0.92 501.83 312.3 8.53
RNH3+,HS--H;0 -3.560 0.38 -197.12  129.1 -4.22
HpO-RNH3+,RNHCOO- 10.268 0.16 0.0 ¥ 10.27
RNH3+*RNHCOO--H20 -5.098 0.08 0.0 * -5.10
H>0-RNH3+,HCO3- 4.550 1.00 1218.19 231.6 8.64
RNH3+HCO3--H;0 -4.088 0.i4 0.0 * -4.09
H>0-RoNH>+ HS- 5.199 1.17 1519.60 396.9 10.30
RyNH»+,HS--H;0 -2.836 0.43 -636.95 1454 -4.97
Hz0-RyNH3+,RyNCOO-  11.549 0.45 102.66 36.2 11.89
RoNH,+,RoNCOO--H;0  -5.580 0.14 0.0 * -5.58
H20-RyNH2+,HCO3- 4.204 0.79 1588.19 196.5 9.53
R2NH2+,HC[())3'-H20 -4.434 0.11 0.0 * -4.43
H,0-R3NH+ HS- ** 3.735 0.64 1036.04 202.5 7.21
R3NH+HS--H,0 ** -3.225 0.06 0.0 * -3.23
H>0-R3NH*+,HCO3- ** 5.864 0.54 1147.90 151.4 9.71
R3NH+HCO3--H>O **  .4.511 0.06 0.0 * -4.51
RINH> = DGA
H>0-R'NH3+,HS- 7.744 0.39 37572 123.44 9.00
R'NH3+HS--H;0 -4.337 0.03 0.0 T -4.34
H>0-R'NH3+,R'NHCOO- 11.424 0.40 0.0 ¥ 11.42
R'NH3*R'NHCOO--H20 -5.328 0.12 0.0 * -5.33
H20-R'NH3+,HCO3- 00  * 2960.94 2329 9.93
R'NH3+,HCO3--H70 -4,251 0.23 0.0 * -4.25

%

+ Parameter encountered a bound, standard deviation was not estimated; * Parameter value fixed at
zero, normally because it could not be estimated with statistical significance; **
where determined with MDEA-H50 and HyO-MDEA molecule
zero rather than values reported in Table 6.2.

These parameters
-molecule interaction parameters fixed at
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That this is true can be seen easily in corresponding values of the water-ion pair and ion
pair-water interaction parameters reported at 298.15 °K in Table 6.4: Water - ion
pair interactions parameters are roughly two times greater in magnitude than the
corresponding ion pair - water interaction parameters.

However, parameter correlation is presented in a more technically sound
manner in terms of the parameter correlation matrices calculated by DRS and reported in
Appendix B. Recall that the elements of these matrices are the correlation coefficients
for the corresponding pairs of adjustable parameters. Parameters that are completely
independent have a correlation coefficient of zero. Parameters that are perfectly
correlated have a correlation coefficient of £1.

Several trends are also apparent in the correlation coefficient matrices for the
ternary systems. First, the coefficients ‘a’ and 'b' of equation (4.67) for any given
binary interaction parameter are usually highly correlated. Moreover, the coefficients
'a' and 'b' of a water-ion pair interaction parameter exhibit moderate to high degrees
of correlation with the coefficients 'a' and 'b’ of the corresponding ion pair-water
interaction parameter. This is consistent with the observation that water - ion pair
interactions parameters are roughly two times greater in magnitude than the
corresponding ion pair - water interaction parameters. For example, all fitted binary
interaction parameters of the HS-MEA-H,0 and H2S-DEA-H30 systems are highly
correlated. However, the coefficients 'a’ and 'b' of the corresponding water-ion pair
and ion pair-water parameters for the H3S-MDEA-H;0 and H3S-DGA-H,0 exhibit a
much lower degree of correlation.

The correlation coefficient matrices for the CO;z-alkanolamine-water ternary

systems indicate that the coefficients of equation (4.67) for the H;O-
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RR'R"NH"‘,HCO'3 interaction parameters are only moderately correlated with the H,0-
RR'N H;,RR’NCOO' parameters. Furthermore, these correlation coefficients matrices
reveal that the coefficients of equation (4.8), representing the temperature dependence
of the natural logarithm of the carbamate stability constants (reported in Table 6.5), are
poorly or only moderately correlated with the binary interaction parameters for the CO»-
alkanolamine-water systems. These results are fortuitous as they suggests that the
physical interactions involving carbamate are largely being separated from physical
interactions involving bicarbonate and that all physical interactions are largely being

separated from chemical interactions by the data regression process.

6.3.3 Parameter Estimation Results: Carbamate Stability Constants

Very few measurements of the carbamate stability constant (Reaction 4g) for
MEA, DEA, or DGA have been reported in the literature. Jensen et al. (1954) report
values of the carbamate stability constants for both MEA and DEA, but only at 18°C.
Jensen and coworkers report a value of 0.0195 mol I'! for the MEA carbamate stability
constant and a value of 0.1514 mol I-! for the DEA carbamate stability constant. Note
that the smaller the constant, the more stable is the carbamate, and a more stable
carbamate will resist reverting to bicarbonate. The values cited above represent
measurements in solutions of finite, though low, ionic strengths. Jensen and
coworkers appear not to have attempted to extrapolate their measurements to zero ionic
strength.
Chan and Dankwerts (1981) measured the same constants in sodium
bicarbonate solutions at 25° and 40°C. At 25°C, Chan and Dankwerts regort the

following values of the carbamate stability constants (each is followed in parentheses
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by the ionic strength at which the equilibrium constant was measured): MEA - 0.0342
mol I'1 (I=0.531 g ion I'1); DEA - 0.2620 mol 1! (I=0.531 gion I-1), Likewise, at
40°C Chan and Dankwerts report the following values of the carbamate stability
constants: MEA - 0.0567 mol I (I=0.624 g ion I'); DEA - 0.379 mol I-! (1=0.531 g
ion I'1). Mahajani and Dankwerts (1982) measured the MEA and DEA carbamate
stability constants in a 30% potash solution at 100°C. Again no correction was made
for ionic strength. At 100°C, Mahajani and Dankwerts report the following values of
the carbamate stability constants: MEA - 0.40 (¢ 8%) mol I'1; DEA - 2.05 (+5%)
mol I'1,

Since the total number of reported carbamate stability constants measurements
is small, and because few of the reported values appear to have been corrected for the
affect of ionic strength, it was felt that it was best not to adopt these values to represent
carbamate stability constants in the model. Instead, the coefficients of equation (4.8)
for the carbamate stability constant were treated as additional adjustable parameters of
the model. They were fitted, simultaneously with the appropriate interaction
parameters, on COz-alkanolamine-H2O ternary system VLE data.

Carbamate stability constants determined in this manner are summarized in
Table 6.5. Note that the coefficients of equation (4.8) are well also well defined as
indicated by the relatively small values of the standard deviations corresponding to the
adjusted coefficients. Carbamate stability constants regressed in this work are
compared with those determined by Kent and Eisenberg (1976) and by Chakravarty
(1985) at 25°, 40° and 100°C in Table 6.6. Kent and Eisenbery fitted carbamate
stability constants for MEA and DEA to equilibrium data, in essentially the same way as

was done in this work, using a VLE model that was discussed in Chapter Three.
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Chakravarty determined carbamate formation constants for MEA and DEA by data
regression on low pressure CO2-amine-H,0 VLE data using the model of Deshmukh
and Mather (1981) (also discussed in Chapter Three). The corresponding carbamate
stability constants were calculated from the carbamate formation constants and the
equilibrium constants for reactions 4d and 4f used by Chakravarty.

The drawback of Chakravarty's approach is that he had to rely on low
pressure solubility data that is subject to large relative errors due to limitations in the
usual experimental techniques employed to the measure acid gas equilibrium partial
pressures (Mather, 1988). Indeed, as will be shown shortly, the results of this study
suggest that a substantial fraction of the reported low pressure CO; solubility data for
aqueous DEA solutions appear to be of poor accuracy. In this work, the carbamate
stability constant was fitted on solubility measurements over the full range of COy
partial pressures insuring a value more consistent with all reported data.

Equilibrium constants reported by Kent and Eisenberg and by Chakravarty are
on molarity and molality basis respectively. In addition, both treat the amines as
solutes with the infinite dilution reference state. In order to compare equilibrium
constants on a consistent basis, it was necessary to convert the equilibrium constants
fitted in this work and reported in Table 6.5 to a molality basis and to adjust the

constants to the amine solute reference state.
6.3.4 Ternary system data representation

Figures 6.17 through 6.32 are graphical summaries of the ratios of estimated
true (maximum likelihood estimates) to experimentally measured values of equilibrium

acid gas partial pressure and liquid phase equilibrium apparent mole fraction of acid gas



Table 6.5.  Fitted values of the coefficients of equation (4.8) for carbamate stability
constants.

InK = C1 + CJT + C3InT + C4T

Amine C1 Gcl C2 Ocy C3 o'c3 Cc4 Ocy

MEA  2.8898 (0.506) -3635.09 (182.8) 0.0 (0.0) 0.0 (0.0
DEA  4.5146 (0.968) -3417.34 (288.8) 0.0 0.0) 0.0 (0.0
DGA  8.8333 (0.795) -5274.4 (279.5) 0.0 0.0) 0.0 (0.0

Note: K 1s dimensionless and based on the mole fraction scale, The or
amine is the state of the pure liquid at the system temperature.

for the 8 ternary systems of interest in this work: MEA-H3S-H,0, MEA-CO5-H,0,
DEA-H3S-H70, DEA-CO,-H,0, MDEA-H;,S-H,0, MDEA-CO,-H,0, DGA-H,S-
H30, DGA-CO2-H20. Each data point in Figures 6.17 through 6.32 represents a
unique state variable (acid gas pressure or acid gas apparent mole fraction)
measurement used in parameter estimation. Because of the small standard deviations
assigned to experimentally reported values of system temperature and apparent mole
fraction of alkanolamine, estimated true values of these state variables were always in
close agreement with measured values. It was, therefore, unnecessary to examine
similar plots for temperature or apparent amine mole fraction.

In the discussion to follow, data representation will be examined in terms of the
proximity to unity of the ratios of maximum likelihood estimates (estimated rrue values)
of the equilibrium acid gas partial pressures and equilibrium liquid phase apparent mole

fractions to the corresponding measured values. Hereafter, these ratios
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Table 6.6. Carbamate Stability Constants, Ky, (mol/l), at 25°, 40°, and 100° C.

Temp Amine ™ P.esent Kent-  Chakravarty  Chan Mahajani
©C) Work Eisenberg* Dankwerts Dankwerts
25 MEA 0.0277 0.0256 0.0252 0.0342

40 MEA 0.0395 0.0420 0.0409 0.0567

100 MEA 0.130 0.205 0.211 0.40
25 DEA 0.491 0.225 0209  0.262

40 DEA 0.748 0.304 0.309 0.379

100 DEA 3.142 0.800 0.318 2.05
25 DGA 0.0822

40 DGA 0.141

100 DGA 0.856

* Kent and Eisenberg report the carbamate stability constant in units of mol/liter.

will often be referred to as the partial pressure ratios and the apparent mole fraction
ratios. In addition, amine concentrations at which various researchers report VLE data
for the alkanolamine-acid gas systems will be frequently cited. In all cases, the cited
alkanolamine concentration is on an acid gas-free basis.

As noted in the discussion of binary system results, section 6.2.3, if all data
were error-free, and if the model represented the data perfectly, all acid gas partial
pressure ratios and all acid gas apparent mole fraction ratios in Figures 6.17 through
6.32 would assume values of unity. It can be seen in these figures that most values of

these ratios lie in a band within 10 perzent of unity. Note also that true values of the
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acid gas equilibrium partial pressures vary from measured values to approximately the
same extent that frue values of the apparent acid gas mole fractions vary from measured
values. Given that the represented acid gas pressures vary over four to six orders of
magnitude and apparent acid gas mole fractions vary over two to three orders of
magnitude, these results suggest that the model represents the data, as a whole,
reasonably well. Closer examination of these figures reveals interesting facts
concerning the quality of the data, quality of the representation, and limitations of the
model.

Because a greater number of data sources were used to estimate parameters
associated with the MEA and DEA ternary systems, representation of data for these
ternary systems is somewhat different than data representation for the MDEA and DGA
ternary systems in Figures 6.17 through 6.32. Therefore, quality of data representation
will be discussed first for the MEA and DEA systems. For these systems, data sets that
are well represented by the VLE model are illustrated with small black dots. Data sets
that are poorly represented, either because of a 'lack of fit' or because of systematic
experimental error, are represented individually by unique symbols.

| Figures 6.17 through 6.20 summélr'i;e the ratios of the estimated true to the
measured values of the equilibrium acid gas partial pressures and true to measured
values of the apparent acid gas mole fractions for the ternary systems associated with
MEA: MEA-H3S-H70 and MEA-CO2-H20. Except for a few data points that lie
above or below the ordinate ranges of these figures, all experimental measurements
used in data regression up to acid gas loadings of 1.2 (moles of acid gas per mole of

amine) are shown.
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Figures €.17 and 6.18 for the MEA-H5S-H50 system illustrates that the VLE
model represents nearly all experimental data very well below 100°C. However, there
appears to be a systematic deviation of the ratios from unity at high temperature. The
nature of the discrepancy varies both within and between data sources. For example, at
high temperature and low loading, the partial pressure ratios for the data of Lawson and
Garst (1976), 15.2 wt % MEA, are generally greater than a value of unity, but for the
30 wt% data from the same source, the ratios are less than unity. In contrast to the data
of Lawson and Garst (at 15.3 wt %), the partial pressure ratios for 2.5 kmol m-3 MEA
(~15 wt %) high temperature data reported by Muhlbauer and Monaghan (1957) and
Lee et al. (1974b, 1976b) generally lie below a value of unity at low loadings. These
results suggest that there is systematic experimental error at high temperatures and low
loadings in this system among the various data sources. The behavior of the pressure
and mole fraction ratios corresponding to Lawson and Garst's data also suggest that the
model may be exhibiting a weak systematic 'lack of fit' as a function of total amine
concentration. However, the excellent representation of data from other sources at
different amine concentrations does not support this conclusion.

Figures 6.19 and 6.20 for the MEA-CO5-H»0 system also show systematic
deviation of partial pressure and mole fraction ratios from unity at high temperature.
True values of the CO;, partial pressure are less than the corresponding measured values
at high temperatures and at low and high loadings. Because this trend occurs across
several data sets, it appears that this phenomena is due to a 'lack of fit' at these
conditions and not because of systematic error in any one data source. It should be

noted, however, that even at the extremes of high temperature and loading considered
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here, the true values of the CO; partial pressure and CO;, apparent mole fraction
generally agree with measured values within 20 percent.

It may be that the poor representation of CO; solubility in aqueous MEA at
high temperature is a result of incorrect temperature dependence of the carbamate
stability constant. As indicated in Table 6.5, only the first coefficient of the temperature
dependence of the carbamate stability constant was fitted with statistical significance. It
mey also be that the Henry's constant for CO; is poorly represented above 100 °C.
Chen and Evans fitted the CO, Henry's constant (with water as the solvent) to the
tabular data of Houghton et al. (1957) which extends only to 100°C and was generated
by fitting an equation-of-state to experimental data reported in the literature. It is
known that the CO, Henry's constant passes through a maximum at approximately
150°C (Zawisza and Malesiska, 1981). Thus, the slope of the Henry's constant curve
changes rapidly with temperature between 100 and 150°C.

The experimental data of Isaacs et al. (1980) are noteworthy. Isaacs and
coworkers report experimental measurements of CO, solubility in aqueous MEA at low
CO; loadings at 80 and 100°C (see Table 6.3). The model represents this experimental
data very well at 80°C but does not agree with the experimental data at 100°C. Indeed
most of the partial pressure ratios for the 100 °C data of Isaacs and coworkers lie above
the range of the ordinate axis of the plot. Given that true values of the CO; equilibrium
partial pressure are less than measured values for data from other sources at high
temperatures and low loadings, these results suggest that the data reported by Isaacs et
al. (1980) at 100°C may be of questionable accuracy.

Representation of the DEA-HS-H20 system VLE data in terms of partial

pressure ratios and apparent mole fraction ratios is presented in Figures 6.21 and 6.22.
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These figures indicate that the experimental data are well represented by the model in
the middle range of amine concentrations. For example, Lee et al (1973a,b) report H,S
equilibrium partial pressures for solutions of 0.5, 2.0, 3.5, and 5.0 M DEA. Estimated
true values of the H$S equilibrium partial pressure agree well with measured values for
the 2.0 M DEA VLE data and reasonably well for the 3.5 M DEA data. However, the
partial pressure ratios lie significantly below unity for 0.5 M DEA solutions and
significantly above unity for the 5.0 M solutions. It is difficult to state with certainty
whether this discrepancy which correlates with total amine concentration is due to
systematic error in measurements or is 2 result of 'lack of fit'. There are not sufficient
experimental DEA-H2S-H20 VLE data at high and low amine concentrations from
other sources to support either conclusion. Nor do results from other ternary amine
systems do not support this proposition.
Results of data representation for the DEA-CO,-H,0 system, presented in
Figures 6.23 and 6.24, also reveal a systematic 'lack of fit' at high temperature
although the nature of the deviation is different than that seen for the MEA system.
True values of CO, partial pressure are generally greater than corresponding measured
values at high temperature and low loading and less than corresponding measured
values at high temperature and high loading. Except for the very low CO; loading data
of Lal et al. (1985) at 100 °C, the estimated true values of CO; partial pressure
generally agree with measured values within 10%. The poor representation of Lal's
data at 100°C while other reported data, including Lal's data at 40°C, are well
represented, suggests that this particular data set may be of poor accuracy.
Figures 6.25 and 6.26 are graphical summaries of the equilibrium H»S partial

pressure ratios and the H2S liquid phase apparent mole fraction ratios for the MDEA -
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H3S-H20 system. Figures 6.27 and 6.28 are similar plots for the MDEA-CO3-H70
system. In these figures, each amine concentration from each data source, or
investigator, is represented with a unique data symbol, although measurements at the
same amine concentration but different temperatures from the same data source are not
differentiated. Except for a few data points that lie above or below the ranges of the
ordinate axes in these figures, all experimental measurements used in data regression up
to acid gas loadings of 1.4 moles of acid gas per mole of amine are shown.

The wide ranging scatter in the partial pressure ratios and the apparent mole
fraction ratios about a value of unity in Figures 6.25 through 6.28 reveal that the
agreement of VLE data for MDEA ternary systems amongst the researchers reporting
such data is poor, especially at low loadings. This made determining reasonable
Electrolyte-NRTL interaction parameters from MDEA ternary system data especially
difficult. Results of Chakravarty's (1985) VLE modeling reveal similar scatter and lack
of representation of the data.

It can also be seen from Figures 6.25 through 6.28 that experimental data from
the various data sources are best represented over limited ranges of loadings. For
example, the data reported by Bhairi (1984) are represented best by the model at high
loadings, and therefore, high acid gas partial pressures. The data of Jou et al. (1982)
are best represented at moderate loadings. These results probably reflect the pressure
and concentration ranges over which the experimental techniques used by each of the
represented investigators were most accurate.

Reported acid gas solubility data for the MDEA ternary systems vary over
approximately 6 orders of magnitude in acid gas partial pressure, from 0.001 to more

than 1000 kPa. Equilibrium acid gas loadings vary over approximately three orders of
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magnitude, from 0.001 to more than 1 mole acid gas per mole amine. These wide
ranges of acid gas pressures, and to a lesser extent acid gas loadings, make solubility
measurements over the entire range with a single apparatus difficult, if not impossible.
Indeed, Jou et al. (1982) used two separate devices to make HS and CO; solubility
measurements in aqueous solutions of MDEA. They used a closed cell in which gases
were circulated and bubbled through the amine solution at acid gas pressures above 100
kPa and a continuous flow apparatus was used at lower pressures.

The lower acid gas pressure limit at which solubility measurements can be made
is often limited by the accuracy and precision with which the acid gas concentration of
the vapor phase can be measured, usually by gas chromatography (Mather, 1988). At
the high acid gas partial pressures, accuracy is often limited by the technique used to
measure acid gas concentration in the liquid phase. At loadings approaching 1 mole
acid gas per mole amine the acid gas tends to flash easily from the liquid phase. Bhairi
(1984) attempted to circumvent this problem by applying a mass balance method to
measure acid gas solubility in a closed system. However, the lower acid gas pressure
limit of Bhairi's measurement technique was approximately 5 to 10 kPa preventing him
from making low pressure solubility measurements.

Preliminary parameter estimation results for MDEA ternary systems suggested
that the data reported by Jou et al. (1982) was of poor accuracy at very low pressures
and very high pressures. Mather (1988) substantiated this suspicion. Therefore,
measurements at acid gas pressures below 0.01 kPa and loadings above 1.2 moles acid
gas per mole MDEA reported by Jou and coworkers (1982) were not used to estimate

pararmeters.
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Representation of one particular set of MDEA-CO,-H30 system VLE data
reported by Bhairi (1984) is noteworthy. While most of the experimental data reported
by Bhairi for this system are reasonably well represented by the model, the COy
solubility data for 2 kmol m-3 MDEA at 25°C are poorly represented. The behavior of
the partial pressure ratios and apparent mole fraction ratios for this data set, seen in
Figures 6.27 and 6.28 respectively, suggest that these data systematically deviate from
true VLE behavior as CO loading decreases. This is consistent with the fact that
Bhairi's experimental technique was limited to high acid gas partial pressures.

Finally, it can be seen in Figures 6.25 through 6.28 that ratios of estimated zrue
to experimentally measured values of the state variables vary more from unity at low
loadings. However, the ratios are well distributed about a value of unity, suggesting
that the scatter is due to experimental error in this region rather than a lack of fit by the
model.

Figures 6.29 and 6.3C are graphical summaries of the equilibrium H3S partial
pressure ratics and the H3S liquid phase apparent mole fraction ratios for the DGA-
H2S-H0 system. Figures 6.31 and 6.32 are similar plots for the DGA-CO3-H,0
system. Only two sources of DGA ternary system data were used to estimate the
corresponding molecule-ion pair parameters. Each of these only report data at one
amine concentration; Martin et al. (1978) report solubility data for a 60 wt % DGA
solution and Dingman et al. (1983) report data for a 65 wt % DGA solution. As
recommended by Moore (1989), data at very low acid gas loadings reported by
Dingman and coworkers were not used to estimate parameters.

Figures 6.29 through 6.32 reveal that except for the DGA-H»S-H,0 VLE data
at 100°C reported by Martin et al. (1978), DGA ternary system VLE data, especially the
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DGA-CO2-H20 data, are generally well represented by the model. Keeping in mind
that the adopted standard state of all solutes in the VLE model is the ideal dilute state in
water, the satisfactory representation of the DGA ternary system data is noteworthy
because the solubility data are reported for solutions that are less than 50% by volume
water.

In general, the model appears to represent the experimental data, 2s a whole,
very well. This is especially true in view of the fact that the VLE data used to estimate
parameters vary over extremely wide rar.ges of acid gas pressure and acid gas loading.
Figures 6.17 through 6.32 illustrate the significant disagreement in the experimental
VLE data reported in the literature for the single acid gas - single amine - water
systems. Where there are differences between VLE measurements at similar
experimental conditions, parameter estimation has led to parameter values that allow the
model to represent, in a sense, an average of the experimental data. For the 8 ternary
systems of interest, estimated true values of the pressure and liquid phase acid gas
apparent mole fractions agree with measured values within 10% for the bulk of the

experimental data.
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Figure 6.17 Comparison of maximum likelihood estimates and experimentally
measured values of HzS equilibrium partial pressure over aqueous MEA
solutions. Lawson and Garst (1976): (%) 15.2 wt %, 100°C; (%) 15.2
wt %, 120°C; (®) 15.2 wt %, 140°C; (D) 30 wt %, 80°F; (a) 30 wt %,
100°F; (4) 30 wt %, 200°F. Muhlbauer and Monaghan (1957): (@)
25 M, 100°C. Leeet al. (1976b): (©) 5M, 100°C. Lee et al. (1974):
(+25M, 40°C; (+)5M, 100°C. Other, Table 6.3: ().
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Figure 6.18 Comparison of maximum likelihood estimates and experimentally
measured values of equilibrium H,S apparent mole fraction in aqueous
MEA solutions. Lawson and Garst (1976): (%) 15.2 wt %, 100°C; (%)
15.2 wt %, 120°C; () 15.2 wt %, 140°C; (B) 30 wt %, 80°F; (4)30
wt %, 100°F; () 30 wt %, 200°F. Muhlbauer and Monaghan (1957):
() 2.5 M, 100°C. Lee et al. (1976b): (©) 5 M, 100°C. Lee et al.
(1974): (8)5M,40°C; (+) 5M, 100°C. Other, Table 6.3: (=).
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Figure 6.19 Comparison of maximum likelihood estimates and experimentally
measured values of CO; equilibrium partial pressure over aqueous MEA
solutions. Lee etal. (1976a): (°) 1 M, 100°C; (@) 1 M, 120°C; (9)
2.5 M, 100°C; (%) 2.5M, 120°C; () 3.75M, 100°C; (®) 3.75 M,
120°C; (a)5M, 100°C; (&) 5 M, 120°C. Isaacs et al. (1980): (%) 25
M, 100°C. Jones et al. (1959): (+) 15.3 wt %, 140°C. Muhlbauer and
Monaghan (1957): (B )2.5M, 100°C. Other, Table 6.3: (=).
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Figure 6.20 Comparison of maximum likelihood estimates and experimentally
measured values of equilibrium COj apparent mole fraction in aqueous
MEA solutions. Lee et al. (1976a): (©) 1M, 100°C; (=) 1M, 120°C;
(°)2.5M,100°C; (%) 2.5M, 120°C; (®) 3.75 M, 100°C; (m) 3.75
M, 120°C; (8) 5 M, 100°C; (a) 5 M, 120°C. Isaacs et al. (1980): (%)
2.5 M, 100°C. Jones et al. (1959): (+) 15.3 wt %, 140°C. Muhlbauer
and Monaghan (1957): (8)2.5M, 100°C. Other, Table 6.3: (=).
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Figure 6.21 Comparison of maximum likelihood estimates and experimentally
measured values of H2S equilibrium partial pressure over aqueous DEA
solutions. Lee et al. (1973a): (B) 3.5 M, 50 to 100°C. Lee et al.
(1973b): (B) 0.5 M, 25 to 120°C; (©) 5.0 M, 25 to 120°C. Lal et al.
(1985): (4) 2.0 M, 40 and 100°C. Lawson and Garst (1976): (%) 25
wt %, 275 and 300°F; (®) 50 wt %, 200°F. Atwood et al. (1957): (+)
all data. Other, Table 6.3: (=).
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Figure 6.22 Comparison of maximum likelihood estimates and experimentally
measured values of H3S equilibrium apparent mole fraction in aqueous
DEA solutions. Lee et al. (1973a): (8) 35 M, 50 to 100°C. Lee et al.
(1973b): (@) 0.5 M, 25 to 120°C; (©) 5.0 M, 25 to 120°C. Lal et al.
(1985): (4)2.0 M, 40 and 100°C. Lawson and Garst (1576): (%) 25
wt %, 275 and 300°F; (®) S0 wt %, 200°F. Atwood et al. (1957): (+)
all data. Other, Table 6.3: (=).
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Figure 6.23 Comparison of maximum likelihood estimates and experimentally
measured values of CO3 equilibrium partial pressure over aqueous DEA
solutions. Lal et al. (1985): (®) 2.0 M, 100°C. Lee et al. (1972): (o)
0.5 M, 100°C; (+) 0.5 M, 120°C; (®) 1.98 M, 120°C; (8)25 M,
120°C; (%) 5.0 M, 100°C; (A) 5.0 M, 120°C. Lawson and Garst
(1976): (*)25 wt %, 250°F. Other, Table 6.3: (»).

\



226

14

xCO2(true)/xCO2(measured)

0.2 0.4 0.6 0.8 1.0 1.2
CO2 Loading (mol CO2/mol DEA)

Figure 6.24 Comparison of maximum likelihood estimates and experimentally
measured values of equilibrium CO; apparent mole fraction in aqueous
DEA solutions. Lal et al. (1985): (B) 2.0 M, 100°C. Lee et al. (1972):
(2)0.5M, 100°C; (+) 0.5M, 120°C; (*) 1.98 M, 120°C; (g)2.5M,
120°C; (%) 5.0 M, 100°C; (&) 5.0 M, 120°C. Lawson and Garst
(1976): ()25 wt %, 250°F. Other, Table 6.3: ().
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Figure 6.25 Comparison of maximum likelihood estimates and experimentally
measured values of equilibrium HyS partial pressure over aqueous MDEA
solutions. Jou et al. (1982): (@) 1.0 M, 25 to 120°C; (2)2.0M, 40 and
100°C; (®)4.28 M, 25 to 120°C. Jou et al. (1976): (©) 3.04 M, 40
and 100°C. Bhairi (1984): (®) all data.
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Figure 6.26 Comparison of maximum likelihood estimates and experimentally
measured values of the equilibrium H»S apparent mole fraction in aqueous
MDEA solutions. Jou et al. (1982): () 1.0 M, 25 to 120°C; (B) 2.0 M,
40 and 100°C; (®) 4.28 M, 25 to 120°C. Jou et al. (1976): (0)3.04 M,
40 and 100°C. Bhairi (1984): (@) all data.
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Figure 6.27

Comparison of maximum likelihood estimates and experimentally
measured values of equilibrium COQ; partial pressure over aqueous MDEA
solutions. Jouet al. (1982): (@) 2.0 M, 25 to 120°C; (°) 4.28 M, 25
to 120°C. Jou et al. (1986): (®) 3.04 M, 40 and 100°C. Bhairi (1984):
(#) 1.0M, 25°C; (®)2.0 M, 25°C; (8)2.0M, 50°C; (+) 20 wt %,
100°F; (%) 20 wt %, 150°F; (™) 20 wt %, 240°F. This work, Table
5.3: (B)2.0M, 40°C; (8)4.28 M, 40°C.
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Figure 6.28 Comparison of maximum likelihood estimates and experimentally
measured values of equilibrium CO; apparent mole fraction in aqueous
MDEA solutions. Jou et al. (1982): (®) 2.0M, 25 to 120°C; (o) 4.28
M, 25 to 120°C. Jou et al. (1986): (®) 3.04 M, 40 and 100°C. Bhairi
(1984): (®) 1.0 M, 25°C; (®) 2.0 M, 25°C; (4) 2.0 M, 50°C; (+)20
wt %, 100°F; (%) 20 wt %, 150°F; (™) 20 wt %, 240°F. This work,
Table 5.3: (9 )2.0M, 40°C; (m) 4.28 M, 40°C.
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Figure 6.29 Comparison of maximum likelihood estimates and experimentally
measured values of equilibrium HjS partial pressure over aqueous DGA
solutions. Martin et al. (1978): (8) 60 wt %, 50°C; (®) 60 wt %,

100°C. Dingman et al. (1983): &) 65 wt %, 100°F; (®) 65 wt %, 180°F.
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Figure 6.30 Comparison of maximum likelihood estimates and experimentally
measured values of equilibrium HpS apparent mole fraction in aqueous
DGA solutions. Martin et al. (1978): (8) 60 wt %, 50°C; (®) 60 wt %,
100°C. Dingman et al. (1983): @) 65 wt %, 100°F; (®) 65 wt %, 180°F.
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Figure 6.31 Comparison of maximum likelihood estimates and experimentally
measured values of equilibrium COj partial pressure over aqueous DGA
solutions. Martin et al. (1978): (8) 60 wt %, 50°C; (®) 60 wt %,
100°C. Dingman et al. (1983): 8) 65 wt %, 100°F; () 65 wt %, 180°F.
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Figure 6.32 Comparison of maximum likelihood estimates and experimentally
measured values of equilibrium CO; apparent mole fraction in aqueous
DGA solutions. Martin et al. (1978): (B) 60 wt %, 50°C; (®) 60 wt %,
100°C. Dingman et al. (1983): @) 65 wt %, 100°F; () 65 wt %, 180°F.
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4T g : Interpolation and Extrapolation and VLE Behayi

The primary goal of any modeling effort of this nature is to provide a means
to confidently interpolate between and extrapolate beyond reported experimental data.
The latter is particularly important in view of the relative lack of experimental data at
low acid gas partial pressures. It is in the low acid gas loading, low acid gas partial
pressure range where VLE is perhaps most important. VLE data in this region provides
the thermodynamic partial pressure limit to which a sour gas stream may be purified.

Figures 6.33 through 6.44 present H2S or CO; equilibrium partial pressures
over MEA, DEA, or MDEA aqueous solutions as functions of acid gas loading in the
liquid phase. These figures were generated using the model for the six ternary systems.
Amine concentrations were chosen to be representative of industrial applications. In
order to provide graphical representation of the model that can be utilized over the entire
range of acid gas loadings, plots are presented in two formats - semi-log and log-log.
The first can be utilized over the acid gas loading range from 0.1 to 1.0 (moles acid gas
per mole amine). The second manner of representation is useful in the acid gas loading
range below 0.1 (moles of acid gas per mole amine).

In examining the equilibrium behavior of acid gas-alkanolamine-water
systems it is useful to first consider a simplified thermodynamic analysis of the
chemical and physical equilibria. Such an analysis serves as an aid in understanding
qualitative behavior of the equilibrium curves. In the discussion to follow the amine-
H>S-water systems are treated first followed by treatment of the amine-CQO»z-water

systems.
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If liquid phase activity coefficients and vapor phase fugacity coefficients are
all taken to be unity and if the second dissociation of H,S to S= (reaction 4c) is
neglected, it can be shown that the equi!"*rivm partial pressure of HyS above a solution

of HaS-amine-water is given by the following explicit algebraic equation

2
o
Prss = H KA [amine], 128 6.1)
2 KHs  (1- ap,s)

where H represents the Henry's constant for HaS, K5 and KHjs are equilibrium
constants for reaciions (4f) and (4b) respectively, [amine]; is the total amine
concentration (ie. the total concentration of amine in all possible forms, molecular and
ionic) and ayys is the HaS loading in moles HyS/mole amine. Equation (6.1) does not
hold in the very low loading, high pH range where the affect of hydroxide
concentration on equilibrium is important. The functional form of equation (6.1)
suggests that at a constant value of HjS loading the equilibrium partial pressure of HaS
increases as total amine concentration increases. It also suggests that over the acid gas
loading range for which o << 1 the slope of the partial pressure curve on a log-log
scale should be two.

Figures 6.33 and 6.34 clearly illustrate the first point. The HpS equilibrium
partial pressure is greater for a 5.0 M MEA (5.0 M DEA) solution than for a 2.5 M
MEA (2.0 M DEA) solution at all temperatures. Figures 6.36 and 6.37 show that the
slope of the equilibrium curve on the log-log scale in the HpS loading range from 0.01

to0 0.10 where o << 1 is indeed close to 2.
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A similar analysis is more complicated for the CO;-alkanolamine-water
systems. In addition to the dissociation of CO5, one must also consider the formation
of carbamate for MEA and DEA. MDEA, as noted earlier, does not form a carbamate.
Therefore, the equilibrium behavior of CO3-MEA-water and CO2-DEA-water solutions
will be examined first, followed by consideration of the equilibrium behavior of the
CO,-MDEA-water system.

Because the formation of carbamate is known to dominate chemical equilibria
below loadings of 0.5 (moles COy/mole amine) and that reversion of carbamate to
bicarbonate dominates equilibria above a loading of 0.5, the two ioading ranges will be
examined separately. Again assuming that activity coefficients and fugacity coefficients
of all species are unity, and neglecting the second dissociation of CO;z to CO?, the
following relations can be derived for the partial pressure of CO; above aqueous

solutions of primary or secondary alkanolamines:

For %co, < 0.5

2
o
- HKa K¢ .

Ko, (1-20¢0,)
For aCO2 >0.5
_ HKAa [amine]? aco, oco, - 1)?
Pco, = Kco, K¢ (6.3)

(1- uCOz)
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where Kco2 and K¢ are the equilibrium constants for CO, dissociation (reaction 4d)
and carbamate reversion to bicarbonate (reaction 4g) respectively. Note that equations
(6.2) and (6.3) do not converge at a loading of 0.5 mol/mol.

Equation (6.2), which holds for CO, loadings less than 0.5 mol/mol,
suggests that the COy equilibrium partial pressufe is not a function of total amine
concentration in this range. However, equation (6.3) indicates that above a loading of
0.5 mol/mol CO, equilibrium partial pressure is a quadratic function of total amine
concentration. This phenomenon can be clearly seen in Figures 6.39 and 6.40 where
the equilibrium curves for the 2.5 M MEA (2.0 M RPEA) and 5.0 M MEA (5.0 MDEA)
solutions are very nearly identical at low loadings. Above a loading of 0.5 mol/mol the
difference between the equilibrium curves for the high and low amine concentrations
increases abruptly. Equation (6.2) also suggests that over the range for which CO»
loading is much less than unity (a<< 1) the slope of the CO3 equilibrium curve should
also have a value of two on a log-log scale. Figures 6.42 and 6.43 support this
expected behavior.

Because MDEA cannot form a carbamate species, the VLE behavior of CO,-
MDEA-water solutions is significantly different from the VLE behavior of CO,-MEA-
water and CO»-DEA -water solutions. Indeed, the VLE behavior of the CO2-MDEA-
water system more closely resembles the VLE behavior of aqueous HpS-amine-water
solutions as can be seen by comparing Figures 6.41 and 6.44 with the corresponding
figures representing HpS equilibrium partial pressures over aqueous amine solutions.
However, unlike HyS-amine systems, the second dissociation of the weak acid, in this
case CO2, cannot be neglected. As will be shown in section 6.5 to follow, the liquid

phase concentration of carbonate (CO?) is significant relative to the concentration of



239

bicarbonate (HCO,). In virtually all amine applications, the liquid phase concentration
of bisulfide, S=, is negligible relative to the liquid phase concentration of bisulfide.
Therefore, the simple thermodynamic analysis applied to HpS-amine-water systems,
equation (6.1), does not apply to the CO2-MDEA-water system.

As noted previously, as the acid gas loading approaches zero, the hydroxide
concentration becomes great enough to affect equilibrium behavior. The actual loading
at which this occurs depends, of course, on the pKa of the alkanolamine solvent. If
activity coefficients are fixed at unity and only the dominant equilibria are considered it
can be shown that the slopes of both the H2S and CO; equilibrium curves on log-log
scales should, in theory, approach unity as the loading approaches zero, providing the
pKa of the amine is great enough to result in a substantial presence of hydroxide in the
solution. The transition from a slope of unity to a slope of two is apparent at a loading
of approximately 0.004 mol/mol for the MEA ternary systems. The corresponding
transition does not appear clearly for the DEA systems. This is because DEA has a
lower pKa (is a weaker base) than MEA; the hydroxide concentration is insignificant
over the range of acid gas loadings considered here. It is not clear that this transition
will appear at all for MDEA solutions because the pKa of MDEA may not be high

enough to result in the formation of a substantial amount of hydroxide.
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Figure 6.33 Model representation of HoS equilibrium partial pressure over 2.5 and 5.0
kmol m-3 MEA solutions from 40 to 120 °C.
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Figure 6.34 Model representation of HoS equilibrium partial pressure over 2.0 and 5.0
kmol m3 DEA solutions from 40 to 120 °C.
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Figure 6.35 Model representation of HaS equilibrium partial pressure over a 4.0
kmol m-3 MDEA solution from 40 to 120 °C.
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Figure 6.36 Model representation of HyS equilibrium partial pressure over a 2.5
kmol m3 MEA solution from 40 to 120 °C.
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Figure 6.37 Model representation of HpS equilibrium partial pressure over a 2.0

kmol m-3 DEA solution from 40 to 120 °C.
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Figure 6.38 Model representation of Hp$S equilibrium partial pressure over a 4.0
kmol m-3 MDEA solution from 40 to 120 °C.
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Figure 6.39 Model representation of CO; equilibrium partial pressure over 2.5 and 5.0
kmol m"3 MEA solutions from 40 to 120 °C.
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Figure 6.40 Model representation of CO3 equilibrium partial pressure over 2.0 and 5.0
kmol m3 DEA solutions from 40 to 120 °C.




248

CO2 Pressure/CO2 Loading (kPa/mol CO2/mol MDEA)

1 n 1 A 1 " 1 i 1 "
0.0 0.2 0.4 0.6 0.8 1.0

CO2 Loading (mol CO2/mol MDEA)

Figure 6.41 Model representation of CO; equilibrium partial pressure over a 4.0 kmol
m-3 MDEA solution from 40 to 120 °C.
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Figure 6.42 Model representation of COz2 equilibrium partial pressure over a 2.5
kmol m3 MEA solution from 40 to 120 °C.
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Figure 6.43 Model representation of CO2 equilibrium partial pressure over a 2.0
kmol m3 DEA solution from 40 to 120 °C.
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Figure 6.44 Model representation of CO, equilibrium partial pressure over a 4.0
kmol m-3 MDEA solution from 40 to 120 °C.
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5 0 Systems: _Experimental Data R ati

The only additional/unique Electrolyte-NRTL binary interaction parameters
that arise in modeling of single amine quaternary systems (amine-HS-CC2-H0) are
acid gas-ion pair parameters and ion pair-ion pair parameters. For ternary
systems, acid gas-ion pair parameters were fixed at default values and ion pair-ion pair
parameters were set to zero. The same procedure was adopted for quaternary systems.
No new parameters were adjusted on the quaternary system experimental data. Instead,
the model was used in a predictive manner to evaluate representation of experimental
quaternary system data. That is, the Electrolyte-NRTL binary interaction parameters
fitted on binary and ternary system data were fixed at adjusted values and the Data
Regression system of ASPEN PLUS was used to calculate maximum likelihood
estimates, or estimated rrue values, of equilibrium acid gas partial pressures and
estimated true values of liquid phase acid gas apparent mole fractions.

To evaluate representation of quaternary system data, true values of acid gas
partial pressures and true values of liquid phase apparent mole fractions are compared
to measured values as was done with binary and ternary systems. The quaternary
systems of interest in this work include MEA-H>S-C0O2-H20, DEA-H3S-C0,-H50,
MDEA-H32S-CO2-H20, and DGA-H3S-COs-H,0.

It was noted earlier that H,O and amine partial pressures are generally not
reported with equilibrium acid gas partial pressures. In reducing ternary system data
this was not a handicap because the Data Regression System allows parameters to be
fitted on acid gas VLE data only. In practice, this was done by equating the total

system pressure, required as input by the Data Regression System, to the equilibrium
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acid gas partial pressure. This is a valid procedure if sclvent equilibria are not used in
estimating parameters. However, HoO and amine VLE could not neglected in
estimating maximum likelihood values of the state variables for quaternary systems.
Still, the total system pressure was equated to the sum of acid gas partial pressures even
though this is not valid at low acid gas loadings where the vapor pressure of water is of
the same relative magnitude as acid gas partial pressures. Hence, maximum likelihood
estimates of quaternary system state variables can not be expected to agree with
experimentally measured values at low acid gas loadings.

There is an abundance of solubility data reported in the literature for the
qQuaternary systems. It would be impossible to compare model representation with all
reported experimental solubility measurements due to space limitations. Therefore,
‘representative' data sources were selected for this purpose. Results of this comparison
for the four systems of interest are presented in Tables 6.7 through 6.10.

Again, if the experimental measurements were error-free, and if the model
represented the experimental data perfectly, the HS and CO, partial pressure ratios and
apparent mole fractions ratios would all assume values of unity. As indicated in Tables
6.7 through 6.10, estimated true values of acid gas partial pressure and liquid phase
mole fraction are generally in good agreement with experimental measurements except
at very low acid gas loadings.

Only moderately good agreement was achieved between the estimated zrue
values and measured values of the equil'ibrium CO3 partial pressure in Table 6.9 for the
MDEA quaternary system. This is not surprising in view of the poor agreement
between and within different sources of ternary system MDEA-CO3-H20 VLE data to

which Electrolyte-NRTL parameters were fitted. However, it should also be noted that
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many of the quaternary system VLE measurements reported by Jou et al. (1986) (to
which estimated true values are compared) were made at very low CO3 loadings.
Therefore, poor agreement between estimated true and experimentally measured CO,
partial pressures and liquid phase apparent mole fractions is expected.

Only moderately good agreement between estimated true values and measured
values of DGA quaternary system VLE data was achieved for several of the
measurements reported by Dingman et al. (1983). The disagreement is most frequent at
low acid gas partial pressures, but agreement is poor for several data points with
moderate or high acid gas loadings also. Moreover, disagreement between true and
measured state variables seems to be most prevalent in the data reported at 100°F.
Agreement is better at 140°F and 180°F. For the bulk of the data reported by Dingman
and coworkers agreement between estimated true and measured values of the state
variables appears to be good suggesting that the disagreement may be due to
experimental problems at the lowest temperature and/or random experimental errors.

On the whole, the model satisfactorily represents quaternary system
experimental data. Most ratios of estimated zrue to measured values of acid gas partial
pressure and estimated true to measured values of liquid phase apparent mole fraction
are within 10 to 15 % of unity. These results support the implicit proposition that it is

not necessary to fit additional parameters on quaternary system VLE.



Table 6.7.

Comparison of estimated true values and experimentally measured

values of HzS and CO3 equilibrium partial pressures, PHy,s and Pco,, and liquid phase
mole fractions (apparent), XH,s and xco,, for the quaternary system HpS-CO2-MEA-
H20. Data are from Muhlbauer and Monaghan (1957) for a 2.5 kmol m-3 (acid gas
free) MEA solution. o = acid gas loading = mole acid gas / mole MEA.

OH)S  OCO, P°Hs  P°co,  xX'H2s  x'co2 P'H2s  plcor
{mole/mole MEA) (kPa) (kPa)  x®yos xeco2 P°H2S pPfco2
Temperature = 40°C:

0.820 0.108 94,79 2.72 1.03 1.00 0.97 0.97
0.614 0.167 45.60 2.61 1.08 1.11 1.08 0.97
0.488 0.172 6.96 0.15 1.05 1.15 1.05 0.92
0.384 0.165 2.32 0.04 1.01 1.21 1.01 0.84
0.284 0.172 1.04 0.05 0.90 1.56 1.06 0.68
0.403 0.280 44.00 8.32 1.10 1.16 0.97 0.84
0.364 0.286 18.93 2.65 1.05 1.16 1.03 0.89
0.336 0.292 12.51 1.52 1.04 1.16 1.04 0.89
0.256 0.290 3.89 0.30 1.03 1.19 1.00 0.84
0.185 0.296 1.45 0.10 0.99 1.18 1.02 0.87
0.120 0.302 0.55 0.06 0.91 1.22 1.16 0.95
0.074 0.304 0.24 0.05 0.86 1.26 1.30 1.03
0.038 0.309 0.11 0.03 0.88 1.20 1.24 1.03
0.155 0.286 0.80 0.08 0.91 1.28 1.17 0.91
0.134 0.346 1.85 0.35 0.99 1.22 1.01 0.83
0.112 0.352 1.11 0.23 0.95 1.20 1.10 0.92
0.090 0.356 0.64 0.14 0.93 1.17 1.17 1.01
0.066 0.348 0.25 0.09 0.82 1.22 1.58 1.30
0.043 0.347 0.17 0.05 0.90 1.14 1.24 1.08
0.022 0.333 0.06 0.07 0.78 1.31 1.65 1.25
0.142 0.410 7.93 4.55 1.02 1.16 0.98 0.85
0.098 0.430 6.35 6.33 1.02 1.18 0.95 0.81
0.075 0.447 3.73 4.47 0.99 1.14 1.02 0.89
0.057 0.445 2.31 3.25 0.98 1.16 1.04 0.89
0.036 0.472 1.24 2.60 0.97 1.10 1.08 0.99
0.019 0.487 0.45 1.73 0.92 1.07 1.24 1.17
0.289 0.307 9.15 1.15 1.04 1.17 1.00 0.86
0.266  0.357 22.16 7.39 1.05 1.15 0.98 0.85
0.234 0.364 12.36 4.32 1.00 1.17 1.09 0.93
0.214 0.358 7.41 1.84 1.00 1.16 1.05 0.91
0.171 0.357 4.05 1.00 0.99 1.21 1.06 0.83




Table 6.7. Continued

OLH2S oCo, P’Hs  P°co;  X'H2s  xlcor P'H2s  Rico2
{mole/mole MEA) (kPa) (kPa)  xCyos Xeco2 P°H2S pPco2
0.383 0.317 45.33 12.56 1.04 1.13 1.04 0.92
0.300 0.350 30.66 11.17 1.04 1.15 1.02 0.89
0.170 0.456 22.93 2093 1.03 1.12 0.95 0.85
0.138 0.460 14.59 13.87 1.03 1.11 0.94 0.85
0.117 0.471 8.69 8.91 0.99 1.09 1.03 0.94
0.092 0.464 5.16 6.56 0.96 1.11 1.12 1.00
0.556 0.181 21.73 1.24 1.04 1.18 1.18 1.00
0.451 0.180 ° 4.80 0.14 1.00 1.24 1.14 0.92
0.220 0.175 0.56 0.03 0.84 1.60 1.04 0.65
0.146 0.174 0.26 0.03 0.75 1.80 1.05 0.58
0.114 0.174 0.16 0.01 0.77 1.55 1.09 0.70
0.742 0.104 59.06 2.13 1.07 1.11 1.16 1.05
0.684 0.112 18.67 0.37 1.04 1.12 1.17 1.04
Temperature = 100°C:

0.549 0.076 126.26 10.27 1.00 1.10 1.09 0.97
0.489 0.083 84.26 7.61 0.99 1.12 1.11 0.96
0.453 0.082 71.99 7.01 1.00 1.15 1.08 0.91
0.412 0.081 53.73 5.65 0.99 1.19 1.08 0.88
0.532 0.073 08.93 8.40 0.98 1.14 1.15 0.97
0.381 0.073 42.13 3.81 0.98 1.19 1.05 0.85
0.299 0.075 29.86 3.27 1.01 1.24 0.92 0.73
0.224 0.084 15.73 2.41 0.97 1.25 0.93 0.72
0.177 N.167 17.20 6.56 0.98 1.18 0.97 0.83
0.236 0.168 30.40 9.99 1.00 1.18 0.98 0.84
0.286 0.171 42.53 11.27 1.00 1.11 1.01 0.91
0.326 0.172 54.66 14.53 0.99 1.11 1.06 0.94
0.375 0.169 75.19 20.67 0.98 1.13 1.10 0.96
0.422 0.156 101.32 22.53 1.00 1.10 1.07 0.96
0.444 0.146 111.06 22.40 1.01 1.10 1.07 0.96
0.342 0.241 128.52 73.46 1.02 1.12 1.03 0.94
0.306 0.239 85.06 41.60 1.01 1.09 1.01 0.95
0.308 0.246 93.33 51.33 1.01 1.10 1.02 0.95
0.275 0.234 62.13 31.60 1.00 1.11 1.03 0.94
0.252 0.229 48.00 23.86 0.99 1.11 1.03 0.94
0.187 0.230 29.20 16.67 1.00 1.13 0.97 0.89
0.141 0.244 18.13 13.93 0.98 1.12 1.01 0.92
0.093 O.ZSL 10.04 12.09 0.96 _1.15 1.04 091

L
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Table 6.8.

Comparison of estimated ¢rue values and experimentally measured
values of HzS and CO; equilibrium partial pressures, Pu,s and Pco,, and liquid phase
mole fractions (apparent), xg,s and XCO,, for the quaternary system HyS-CO,-DEA-
H20. Data are from Lee et al. (1974a) for a 2.0 kmol m-3 (acid gas free) DEA solution
at 50°C. o = acid gas loading = mole acid gas / mole DEA.

OLHS 0CO;  P°HoS P°co, x'Hs  xlcoe P'H2s  pico
(mole/mole DEA)  (kPa) (kPa)  x°mps  xfco2 P°H2S  DPSCO2
1.006 0.106 1505.81 14452 1.08 0.97 0.90 1.00
0.447  0.693 1081.11 2800.64 0.97 1.17 1.00 0.86
0.570  0.433 73291 84324 1.02 1.17 1.01 0.87
0.381 0719 70396 2149.78 0.96 1.13 1.03 0.90
0.703  0.308 682.58 40404 1.03 1.12 1.02 0.90
0.188  0.994 675.69 513521 0.99 1.11 0.96 0.91
0.784 0239 63225 27441 101 1.13 1.06 0.90
0989  0.048 629.49 33.58 1.03 1.04 1.02 0.96
0.826 0.170 600.54 167.54 1.04 1.12 1.06 0.91
0.881  0.094 508.14 67.57 1.05 1.10 1.06 0.93
0.173 0977 488.85 343357 103 1.06 0.92 0.94
0.125  1.140 41576 5343.44 097 1.05 1.02 0.95
0.294  0.704 399.80 129277 1.00 1.11 0.98 0.93
0.851  0.063 359.91 29.16 1.09 1.08 1.03 0.93
0.785  0.125  340.60 71.02  1.07 1.14 1.08 0.91
0.176  0.902 29993 1974.65 1.00 1.05 0.99 0.96
0.604 0285 298.54 15237 1.06 1.10 0.98 0.92
0.831  0.053 28923 18.13  1.10 1.07 1.01 0.92
0.515  0.447 27441 38473 092 1.15 1.15 0.92
0.634 0250 242.70 92.39  1.U6 1.06 0.98 0.94
0361  0.477 19443 277.17 106 1.12 0.92 0.90
0.108 0962 178.58 195121 1.00 1.03 0.98 0.97
0.154  0.856 158.58 1067.99 0.98 1.02 1.02 0.99
0.189 0742 151.68 65845 1.01 1.05 0.96 0.97
0.133  0.812 14272 88046 106 1.04 0.8 0.96
0.041 1221 129.62 576471 0.94 1.04 1.07 0.93
0.653 0.074  93.08 722 1.14 1.09 0.91 0.83
0.557 0.146  91.36 1793  1.16 1.14 0.87 0.79
0256  0.521 8825 14479 1.09 1.06 0.85 0.91
0385  0.352  80.81 71.15  1.05 1.15 0.95 0.88
0.129  0.742  80.67 42265 106 1.03 0.89 0.96
0332 0424  79.63 8294 1.07 1.08 0.90 0.91
0.434 0277  72.40 3323 1.10 1.09 0.87 0.87
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Table 6.8. Continued

OHS 0Co;  P°H,S P°co, XHzs  x'co2 P'H2S  P'co2
(mole/mole DEA)  (kPa) (kPa)  x®mps x®co2 P*H2S pP°co2
0.380 0.345  65.71 47.02 1.06 1.09 0.91 0.90
0.512 0.120 49.16 5.24 1.15 1.04 0.79 0.83
0.525 0.094 4757 5.52 1.14 1.17 0.85 0.73
0.331 0.328  39.71 26.41 1.07 1.09 0.88 0.88
0.564 0.040 3820 1.48 1.12 1.12 0.87 0.76
0.129 0.628 36.82 152.03 1.04 1.06 0.90 0.94
0.367 0238  36.27 16.82 1.09 1.19 0.86 0.78
0.213 0475 3454 59.36 1.04 1.08 090 - 0091
0.045 0.785 2475 423.34 1.03 1.06 0.91 0.95
0.236 0323  21.72 14.89 1.12 1.09 0.75 0.81
0.012 0.865 1441 704.64 1.20 1.04 0.68 0.84
0.197 0318  12.69 11.31 1.06 1.12 0.82 0.82
0.382 0.078  10.79 0.85 1.01 1.06 0.96 0.89
0.199 0273  10.14 9.43 1.02 1.23 0.87 0.75
0.370 0.067  10.07 0.90 1.00 1.16 0.93 0.77
0.092 0.490 7.38 27.10 1.00 1.07 0.96 0.94
0.305 0.079 6.62 0.55 1.01 1.03 0.97 0.94
0.029 0.662 6.41 109.63 1.06 1.06 0.85 0.92
0.208 0.158 4.52 1.39 0.99 1.09 0.96 0.87
0.092 0.400 4.14 9.38 1.01 1.05 0.94 0.93
0.210 0.155 3.85 1.12 0.96 1.07 1.05 0.95
0.123 0.296 3.06 3.47 0.96 1.06 1.06 0.98
0.178 0.086 1.57 0.31 0.88 1.09 1.29 1.08
0.117 0.077 0.88 0.22 0.89 1.10 1.22 1.02

b o e
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Table 6.9. Comparison of estimated zrue values and experimentally measured
values of H2S and CO2 equilibrium partial pressures, PH,s and P¢0,, and liquid phase
mole fractions (apparent), XH,$ and xco,, for the quaternary system H2S-CO2-MDEA-
H20. Data are from Jou et al. (1986) for a 3.04 kmol m-3 (acid gas free) MDEA

solution. o = acid gas loading = mole acid gas / mole MDEA.

CLHS 0co;  PHS  PPcop  XYas 0 x'cop P'H2s  P'co2
(mole/mole MDEA)  (kPa) (kPa)  x®mos  x°coz P°H2s  PPcon

Temperature = 40°C

0.077 0.523 3.70 23.90 1.04 0.93 0.99 1.06
0.068 0.399 2.45 15.10 1.02 0.99 0.95 0.98
0.078 0.316 2.51 11.00 1.02 1.03 0.90 0.90
0.036 0.073 0.26 0.92 0.88 1.08 1.30 0.97
0.448 0.001 8.38 0.04 0.77 1.28 0.97 0.75
0.146 0.001 2.07 0.01 0.96 1.18 0.75 0.64
0.215 0.000 4.30 0.01 1.00 1.00 0.43 0.98
0.143 0.001 1.61 0.02 0.89 1.21 0.82 0.68
0.104 0.001 1.06 0.02 0.87 1.35 0.70 0.52
0.085 0.001 0.73 0.02 0.92 1.21 0.78 0.65
0.060 0.001 0.44 0.01 0.85 1.44 0.65 0.45
0.054 0.007 0.35 0.07 0.92 1.20 0.86 0.68
0.064 0.008 0.41 0.08 0.92 1.14 0.97 0.80
0.103 0.007 1.24 0.12 0.97 1.19 0.75 0.61
0.108 0.003 1.15 0.05 0.91 1.26 0.74 0.58
0.360 0.007 10.40 0.23 C.98 1.11 0.83 0.74
0.490 0.007 12.90 0.19 0.92 1.03 1.09 1.05
0.699 0.002  48.90 0.14 0.97 1.09 0.93 0.85
0.811 0.003  76.60 0.26 0.96 1.08 0.97 0.90
0.873 0.005 97.10 0.66 0.93 1.16 0.96 0.83
0.873 0.011 98.00 2.50 0.90 1.39 0.89 0.64
0.266 0.047 5.12 1.05 0.96 1.06 0.99 0.91
0.746 0.013  59.10 1.02 0.97 1.05 0.99 0.94
0.815 0.049  86.60 9.40 0.91 1.30 0.94 0.70
0.650 0.194  68.80 33.80 0.92 1.19 1.05 0.82
0.304 0.516  31.80 70.20 0.96 1.02 1.06 0.99
0.127 0.649 13.90 88.80 1.00 1.02 1.00 0.99
0.086 0.758 6.34 97.40 0.93 0.92 1.22 0.84
0.049 0.588 1.21 33.70 0.91 0.86 1.49 0.63
0.041 0.455 0.64 18.10 0.90 0.87 1.64 0.63
0.055 0.375 0.59 9.08 0.84 0.89 2.00 1.01




Table 6.9. Continued

OUH,S €co,  P°Hys  P°co, XH2s  xlcop P'H2s  p'coz
(mole/mole MDEA)  (kPa) (kPa)  xeyas x%co2 P°H2s  PPco2
0.160 0.154 2.09 3.43 0.85 1.10 1.30 1.00
0.341 0.096 7.88 2.16 0.96 0.98 1.12 1.12
0.715 0.020 53.40 1.65 0.97 1.08 0.96 0.88
0.194 0.001 1.96 0.03 0.78 1.32 0.90 0.68
0.047 0.001 0.23 0.01 0.84 1.36 0.77 0.56
0.024 0.001 0.06 0.01 0.85 1.26 0.95 0.74
0.017 0.006 0.03 0.02 0.79 1.23 1.33 0.90
0.017 0.021 0.04 0.11 0.79 1.10 1.76 1.13
0.010 0.788 0.74 101.00 0.98 0.91 1.13 0.45
0.366 0.021 10.19 0.72 0.96 1.12 0.87 0.76
0.353 0.031 9.70 1.10 0.96 1.13 0.87 0.74
0.355 0.032 10.46 1.21 0.97 1.13 0.84 0.72
0.352 0.03¢ 10.42 1.62 0.96 1.17 0.83 0.68
0.339 0.078 10.92 3.27 0.98 1.14 0.85 0.71
0.358 0.067 11.56 2.82 0.98 1.13 0.86 0.73
0.343 0.084 10.85 3.42 0.98 1.13 0.87 0.74
0.341 0.102 11.25 4,21 0.98 1.12 0.88 0.77
0.355 0.249 16.97 14.53 0.98 1.07 0.98 0.89
0.331 0.291 18.72 19.09 1.00 1.07 0.94 0.89
0.310 0.310 17.46 20.46 1.00 1.07 0.95 0.89
0.321 0.260 15.33 14.88 0.99 1.08 0.95 0.88
0.346 0.226 16.68 13.17 1.00 1.09 0.93 0.84
0.338 0.168 13.23 8.70 0.98 1.13 0.90 0.77
0.200 0.027 2.71 0.46 0.94 1.06 1.04 0.94
0.197 0.032 3.16 0.72 0.94 1.12 0.91 0.77
0.204 0.053 3.85 1.35 0.96 1.12 0.88 0.75
0.236 0.076 5.00 2.16 0.95 1.12 0.90 0.77
0.230 0.091 5.14 2.67 0.96 1.11 0.90 0.77
0.214 0.112 4.50 3.19 0.95 1.11 0.94 0.81
0.219 0.127 5.19 3.95 0.95 1.11 0.92 0.79
0.209 0.164 5.47 5.44 0.97 1.10 0.92 0.81
0.193 0.178 441 5.45 0.95 1.09 1.00 0.87
0.209 0.218 5.84 7.81 0.96 1.08 0.98 0.88
0.208 0.252 6.01 9.34 0.95 1.06 1.02 0.92
0.177 0.270 4.90 9.42 0.96 1.05 1.04 0.95
0.222 0.242 6.50 9.51 0.95 1.08 1.02 0.89
0.192 0.237 491 7.65 0.95 1.05 1.05 0.95
0.149 0.199 3.32 4.61 1.00 1.00 1.01 1.00
0.161 0.184 3.91 4,17 1.03 0.99 0.95 0.99




Table 6.9. Continued

OlH2S aco, P’Hs PPcop,  X'mas  x'coz

(mole/mole MDEA)  (kPa) (kPa)  x°mos  x°co2 P°H2S

0.003 0.594 0.14 28.70 0.97 0.95 1.16 1.12
0.012 0.591 0.61 28.90 1.06 0.92 0.96 1.02
0.062 0.612 4.49 39.00 1.09 0.93 0.89 1.00
0.084 0.506 4.17 21.70 1.07 0.92 0.94 1.05
0.076 0.420 2.81 14.30 1.05 0.94 0.97 1.05
0.117 0.539 8.12 31.90 1.09 0.93 0.88 1.01
0.095 0.537 4.99 24.10 1.07 0.90 0.96 1.08
0.075 0.498 2.92 16.90 1.04 0.89 1.05 1.15
0.047 0.342 1.06 7.55 1.00 0.93 1.14 1.17
0.058 0.349 1.52 943 1.00 0.97 1.06 1.08
0.086 0.599 3.46 20.30 1.02 0.83 1.18 1.28
0.070 0.709 7.68 91.50 1.01 0.99 0.98 1.01
0.053 0.679 5.92 89.70 1.04 1.03 0.91 0.96
0.044 0.658 3.28 53.30 1.03 0.96 0.97 1.01
0.037 0.556 2.00 33.70 1.02 0.99 0.96 0.99
Temperature = 100°C

0.147 0.008 20.30 3.84 1.02 1.07 0.84 0.78
0.105 0.016 12.20 554  1.05 1.01 0.85 0.87
0.268 0.006 60.20 6.00 0.97 1.17 0.81 0.67
0.118 0.020 15.80 6.65 1.08 0.96 0.86 0.97
0.386 0.004 126.00 7.13 0.90 1.33 0.71 0.53
0.075 0.098 12.40 72.80 1.00 1.11 0.82 0.68
0.193 0.077 50.40 76.10 1.04 1.11 0.77 0.69
0.213 0.111 61.80 125.00 1.02 1.10 0.82 0.74
0.079 0.172 16.90 196.00 1.00 1.07 0.88 0.60
0.060 0.191 14.00 225.00 1.02 1.06 0.85 0.60
0.178 0.172 67.00 257.00 1.04 1.12 0.74 0.67
0.367 0.150 196.00 281.00 1.03 1.08 0.86 0.80
0.365 0.161 200.00 306.00 1.03 1.07 0.86 0.81
0.071 0.235 22.90 367.00 1.04 1.08 0.78 0.58
0.210 0.244 118.00 529.00 1.06 1.13 0.74 0.68




262

Table 6.10. Comparison of estimated zrue values and experimentally measured
values of H2S and CO» equilibrium partial pressures, PH,s and Pco,, and liquid phase
mole fractions (apparent), xy,s and XCO,, for the quaternary system HS-CO3-DGA-
H20. Data are from Dingman et al. (1983) for a 65 wt % (acid gas free) DGA solution.
o = acid gas loading = mole acid gas / mole DGA.

OUHoS 0COo;  PPH,S P°co, x'ms  xlcoe P'H2s  picoe
(mole/mole DGA)  (kPa) (kPa)  xeyos x®co2 P°H2s  PPco2

Temperature = 100°F

0.011 0.061 0.029 0.007
0.002 0.093 0.005 0.007
0.011 0.092 0.044 0.005
0.003 0.100 0.014 0.038
0.023 0.095 0.082 0.006
0.005 0.125 0.027 0.004
0.002 0.135 0.013 0.008
0.001 0.154 0.006 0.008
0.001 0.165 0.004 0.010
0.003 0.168 0.022 0.014
0.002 0.225 0.024 0.021
0.001 0.228 0.006 0.023
0.138 0.093 1.276 0.012
0.001 0.266 0.013 0.019
0.010 0.259 0.102 0.036
0.002 0.270 0.026 0.044
0.005 0.279 0.056 0.019
0.001 0.291 0.020 0.052
0.121 0.187 1.179 0.067
0.001 0.312 0.018 0.075
0.042 0.282 0.323 0.104
0.168 0.184 1.841 0.080
0.000 0.362 0.010 0.144
0.088 0.275 1.496 0.147
0.224 0.174 3.468 0.096
0.136 0.267 3.840 0.237
0.011 0.394 0.347 0.320
0.034 0.390 1.158 0.560
0.061 0.373 2.799 0.862
0.168 0.272 5.081 0.580
0.358 0.087 7.308 0.416
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Table 6.10. Continued

OLHoS 0CO,  PPH S r’co, xHes  x'cog P'H2s pPlcoe
(mole/mole DGA)  (kPa) (kPa)  x®mas x°co2 P°H2S Peco2

0.200 0.267 8.412 0.400  0.87
0.026 0.445 3.068 4.109  0.81
0.116 0.376 11.307 2.841 0.80
0.008 0.499 1.600 13.996  0.80
0.142 0.367  20.546 5226  0.82
0.027 0.485 8.205 25.855 0.82
0.616 0.500 3.096 16272  0.77
0.258 0.264 17.306 1.000  0.87
0.092 0.431 57.020 78.600  0.84
0.069 0.460  32.819 54.813  0.83
0.178 0.361 46953 13996 0.85
0.196 0.352  78.600 28.544  0.87
0.392 0.163  22.822 0.580  0.95
0.326 0249  63.983 5.709  0.95
0.416 0.168  31.716 0.560 1.00
0.242 0.348 121.348  46.401 0.87
0.357 0.251  98.595 9.929  0.96
0.450 0.162  46.815 0.903 1.02
0.368 0.251 124795 14272 0.97
0.506 0.154 131.001 4.943 1.10
0.583 0.087 45988 0.296 1.02

Temperature = 140°F
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0.047 0.044 0.520 0.016 0.97 0.98 1.15 1.15
0.009 0.120 0.081 0.073 0.74 1.09 1.90 1.20
0.009 0.163 0.181 0.174  0.84 1.12 1.28 0.92
0.009 0.203 0.274 0.228 091 1.04 1.18 1.01
0.213 0.044 6.591 0.044 0.96 0.99 1.07 1.07
0.008 0.260 0.311 0384 092 0.99 1.23 1.08
0.195 0.099 7.998 0.173  0.94 1.08 1.04 0.95
0.241 0.094 12.411 0270  0.93 1.15 1.01 0.88
0.086 0.250 4.282 0.623  0.87 1.01 1.32 1.12
0.211 0.142 11.928 0.301 0.95 0.99 1.10 1.07
0.285 0.107 19.305 0.323 0.95 1.03 1.08 1.03
0.194 0.233  21.856 1.869  0.90 1.09 1.21 1.04
0.041 0.398 8.619 9.170  0.85 1.02 1.49 1.17
0.082 0.365 16.341 8.343 0.85 1.05 1.47 1.16
0.417 0.037  30.406 0.130  0.94 1.02 1.09 1.06




Table 6.10. Continued

OLHZS 0CO;  P°H,S P°co, x'H2s  xlco2 P'H2s  plco
(mole/mole DGA)  (kPa) (kPa)  x®yos xco2 P°H2S Péco2
0.200 0.291 47.987 7.791 0.90 1.09 1.27 1.09
0.475 0.023 39.990 0.085 0.93 0.97 1.06 1.11
0.007 0.502 4937 83.426 0.88 0.96 1.48 1.15
0.033 0.490 29.095 158.580 0.84 0.98 1.63 1.24
0.405 0.121 56.399 1.062 0.95 1.02 1.09 1.05
0.520 0.016 58.674 0.119 0.97 1.05 1.06 1.01
0.270 0.283 133.758 25.580 0.93 1.13 1.24 1.07
0.368 0.204 134.447 10.067 0.98 1.12 1.14 1.02
0.519 0.108 121.348 2.213 0.96 1.02 1.08 1.04
0.536 0.103 184.780 4,323 1.02 1.07 1.07 0.99
Temperature = 180°F

0.041 0.042 2.041 0.172  0.98 1.08 0.87 0.80
0.015 0.098 0.862 0.618 0.89 1.14 1.03 0.81
0.086 0.037 5.681 0.228  0.98 1.14 0.82 0.71
0.011 0.118 0.620 0.605 0.90 1.06 1.20 1.00
0.085 0.087 7.377 0.703 0.95 1.13 0.93 0.81
0.115 0.091 13.307 0.800 1.00 1.06 0.93 0.88
0.176 0.040 21.236 0.31C 1.03 1.00 0.93 0.96
0.070 0.148 8.136 1.586 0.94 1.09 1.03 0.91
0.015 0.223 1.758 2.882 0.88 1.07 1.27 1.02
0.042 0.226 6.081 3.840 0.89 1.08 1.24 1.02
0.209 0.093 35.990 1.283 0.98 1.01 1.04 1.02
0.157 0.166 36.267 3.682 0.97 1.04 1.04 0.98
0.289 0.037 51.987 0.592 0.97 1.03 1.04 1.00
0.248 0.088 40.817 1.282 0.93 0.99 1.14 1.10
0.125 0.216 31.233 6.509 0.93 1.06 1.15 1.02
0.135 0.209 36.266 6.564 0.94 1.06 1.11 1.00
0.042 0.325 10.549 13.169 0.85 0.99 1.48 1.18
0.015 0.355 4,082 17.582 0.84 0.99 1.59 1.18
0.353 0.102 113.074 4,351 0.93 1.03 1.14 1.07
0.116 0.352 105.489 84.117 0.91 1.02 1.26 1.10
0.059 0.414 49.643 100.663 0.87 0.97 1.44 1.18
0.321 0.155 161.338 14.410 0.95 1.08 1.14 1.02
0.260 0.217 153.064 23.442 0.94 1.04 1.15 1.05
0.401 0.097 170.991 5.563 0.94 1.00 1.10 1.07
0.461 0.054 182.711 2.696 0.93 0.99 1.09 1.09




6.6 Speciati

The model proposed this work satisfactorily represents experimental acid gas
solubility data. It could, therefore, be used in equilibrium stage design calculations.
However, recent research (Hermes and Rochelle, 1987; Sivasubramanian et al. 1985;
Katti and Langfitt, 1986) suggests that mass and heat transfer rate-based
(nonequilibrium) models rather than equilibrium models are better suited to simulate
absorber/stripper operations in which mass transfer is enhanced by chemical reaction.
These models account explicitly for finite rates of mass and heat transfer and chemical
reaction. However, phase and chemical equilibria continue to play an importaiit role in
rate based modeling. For example, physical equilibrium is usually assumed to exist at a
gas-liquid interface and a bulk liquid solution is assumed to be in a state of chemical
equilibrium. Indeed, these assumptions define the boundary conditions for the partial
differential equations describing mass transfer with chemical reaction. Physical and
chemical equilibria models, therefore, constitute necessary components of a rate based
model.

Application of the Electrolyte-NRTL equation to represent activity coefficients
in the alkanolamine-HS-CO5-H,0 system allows the equilibrium model to be more
confidently used to speciate the liquid phase through the equations of chemical
equilibrium. Because the adjustable binary interaction parameters and carbamate
stability constants have already been determined by fitting the model to experimental
VLE data, the model can be readily employed in the context of mass transfer rate-based

models to calculate a priori the composition of the liquid phase at equilibrium .
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Figures 6.45 through 6.50 are speciation plots for the several of the ternary
systems of interest in this work at 40 and 120 °C. In these figures, the equilibrium
mole fractions of all species, other than water, are plotted against acid gas loading.
They were generated by executing the VLE model at a number of acid gas loadings
varying from zero to unity. Speciation plots are useful to illustrate trends in the relative
concentrations of ionic and molecular species at equilibrium both as a function of
temperature and acid gas loading.

The simplest speciation plot is for the amine-H,S-HyO ternary system. Figures
6.45 and 6.46 are speciation plots for an MEA-HS-H,0 system at 40 and 120°C
respectively. The HjS-free concentration of MEA is 2.5 kmol m-3. It is clear from
these figures that the only ionic species present in solution at appreciable levels in the
MEA-H>S-H20 system are protonated MEA, MEAH*, and bisulfide, HS-. The
equilibrium constant corresponding to the second dissociation of hydrogen sulfide to
sulfide jon is so small relative to the equilibrium constant for the first dissociation of
hydrogen sulfide to bisulfide ion that almost no sulfide forms. Only at extremely low
loadings will the concentration of hydroxide ion, OH-, be significant relative to
bisulfide. Because HjS$ is a weak acid, the concentration of hydronium ion, H30+ will
be negligible at all loadings. Therefore, as these figures reveal, conservation of mass
requires that the concentrations of bisulfide and protonated MEA be approximately
equal at all (but extremely low) H,S loadings.

Also of note in Figures 6.45 and 6.46 is the behavior of the curve representing
the concentration of molecular H3S as a function of loading. Figure 6.45 reveals that
only above an Hj$ loading of about 0.85 mole HyS per mole of MEA at 40°C does the

concentration of molecular HpS become appreciable. However, the same concentration
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of molecular HS is present in solution at a loading of approximately 0.40 moles H,S
per mole MEA at 120°C. The different behaviors of the HS concentration curves at 40
and 120°C seen in Figures 6.45 and 6.45 is, of course, the phenomenon that permits
aqueous alkanolamine solutions to be used in absorption/stripping processes for gas
treating. At low temperatures chemical equilibrium favors the conversion of H5S to
bisulfide. Hence, at low to moderate loadings, the liquid phase equilibrium
concentration of molecular H,S is low and the driving force for mass transfer results in
absorption of H»S from a sour gas. At high temperatures, chemical equilibrium favors
molecular H>S rather than bisulfide. Hence the equilibrium concentration of molecular
H3S in the liquid phase increases as temperature increases, reversing the driving force
for mass transfer and resulting in the desorption of H,S from an H»S rich solution.
Figures 6.47 and 6.48 are speciation plots for a carbonated aqueous 2.5 kmol
m-3 MEA solution at 40 and 120°C respectively. Figures 6.49 and 6.50 are similar
plots for a 2 kmol m-3 DEA solution at 40 and 120°C. Of particular note in these
figures are the various species to which COj; reacts in the solution. At very low
loadings and low temperatures, CO3 is mainly converted to carbamate, RR'INCOO-, of
MEA or DEA and little bicarbonate, HCOZ_,', forms. As the loading increases
bicarbonate begins to form either through hydrolysis and dissociation of absorbed CcO,
(reaction 4d) or through reversion of carbamate to bicarbonate (reaction 4g). Note that
little carbonate, CO§, forms in either solution. For both MEA and DEA the maximum
concentration of carbamate occurs at approximately 0.5 mol/mol corresponding to the
nearly complete consumption of the amine. Above a loading of 0.5 mol/mol the

carbamate concentration decreases as carbamate reverts and more bicarbonate forms.
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The behavior of the liquid phase concentration curves in carbonated MEA and
DEA solutions is quite different at 120°C. At this high temperature and low to moderate
loadings, speciation with the model indicates that most of the CO5 in an aqueous MEA
solution is again present as carbamate. However, at this high temperature and all
loadings, speciation with the model indicates that most of the CO, present in an
aqueous DEA solution exists as bicarbonate. This suggests that the carbamate of DEA
is not stable at high temperatures.

Finally, Figure 6.50 is a speciation plot for a carbonated 4 kmol m-3 aqueous
solution of MDEA at 40°C. Because MDEA does not form a stable carbamate, CO3
reacts to bicarbonate or carbonate only. Thus, the liquid phase behavior of the MDEA-
CO2-H20 system might be expected to be much like the behavior of the MDEA-H3S-
H20 system. However, unlike HpS, the second dissociation constant of CO3 (reaction
4e) is not negligible relative to its first dissociation constant (reaction 4d). Therefore, a
significant amount of carbonate forms relative to bicarbonate. Hence, the concentration
of bicarbonate is not, in generai, equal to the concentration of protonated MDEA.
Recall that in the H3S-amine-Hz0 system virtually no sulfide forms, so the
concentration of bisulfide is approximately equal to the concentration of protanted

amine at all loadings.
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Figure 6.44 Liquid-phase composition of a 2.5 M MEA solution loaded with H3S at
40°C. Compositions were calculated with the VLE model.




270

0.05

0.04

0.03

0.02

Mole Fraction

0.01

0.00 . : .
0.0 0.2 0.4 0.6 0.8 1.0

H2S Loading (mol H2S/mol MEA)

Figure 6.46 Liquid-phase composition of a 2.5 M MEA solution loaded with HjS at
120°C. Compositions were calculated with the VLE model.
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Figure 6.47 Liquid-phase composition of a 2.5 M MEA solution loaded with CO; at
40°C. Compositions were calculated with the VLE model.
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Figure 6.48 Liquid-phase composition of a 2.5 M MEA solution loaded with CO3 at
120°C. Compositions were calculated with the VLE model.
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Figure 6.49 Liquid-phase composition of a 2.0 M DEA solution loaded with CO, at
40°C. Compositions were calculated with the VLE model.
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Figure 6.50 Liquid-phase composition of 2 2.0 M DEA solution loaded with CO» at
120°C. Compositions were calculated with the VLE model.
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Figure 6.51 Liquid-phase composition of a 4.0 M MDEA solution loaded with CQOQp at
40°C. Compositions were calculated with the VLE model.
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Chapter Seven

Modeling CO; Solubility in Mixtures of MDEA
with MEA or DEA

7.1 Gas Treating with MDEA and Mixt f MDEA with MEA or DEA

Monoethanolamine (MEA) and diethanolamine (DEA) have beer: the most
widely employed gas treating alkanolamine solvents during the last several decades. In
aqueous solution, both of these solvents react quickly with H,S and CO,. Therefore,
they are normally used in gas treating applications in which complete, or nearly
complete, removal of both H3S and CO, is desirable.

In recent years, methyldiethanolamine (MDEA) has been used as an alternative
to MEA or DEA in certain gas treating applications. MDEA reacts rapidly with HS.
However, as a tertiary amine, it cannot react directly with CO; to form a carbamate
anion. As noted in Chapter Four, this is the primary mechanism by which MEA, DEA,
and DGA react (rapidly) with CO3. MDEA reacts with CO3 only through an acid-base
buffer mechanism in which CO; is converted primarily to bicarbonate. However, COy
must first react with H20 to produce carbonic acid, H2CO3, which subsequently
dissociates to bicarbonate, HCOT_;. or it must react directly with OH- to form
bicarbonate. By either mechanism, the net reaction rate is relatively slow in amine
solutions.

Because MDEA reacts rapidly with H,S and slowly with COy, it is often used
for selective removal of HpS from a gas strearn containing both acid gases. However,

276



277

MDEA is also useful for bulk CO; removal because the heat released by the reaction of
CO; with MDEA is substantially lower than the heat released by the reaction of CO,
with MEA, DEA, or DGA (see Table 1.1). Its use as an alternative to MEA, DEA, or
DGA for buik CO;3 removal, therefore, results in a reduction in energy required to
reverse the reaction of CO2 with MDEA and to strip it from solution. The drawback of
using MDEA for bulk CO; removal is that, as noted above, it reacts relatively slowly
with CO2. To effect the same level of CO, removal, an MDEA application requires
greater gas/liquid contact area than does an MEA, DEA, or DGA application.

Recent research (Chakravarty et al., 1985; Critchfield and Rochelle 1987, 1988;
Katti and Wolcott, 1987) indicates that a primary or secondary amine, such as MEA or
DEA, can be added to an aqueous MDEA solution to promote or enhance the absorption
rate of CO2 without significantly affecting the energy requirements for stripping.
Critchfield and Rochelle (1987, 1988) discuss the interactive mass transfer and
equilibrium mechanisms by which MEA and DEA promote the absorption rate of CO,
into an MDEA based solvent mixture. The level to which MEA or DEA should be
added to an MDEA solution would be determined by balancing the need to add enough
promoter to sufficiently enhance the absorption rate of CO5, with the increase in
stripping costs due to the higher heat of reaction of the promoter with CO», and with
the relative costs of the amines.

Design of gas treating operations with MDEA based aqueous solvents requires
VLE data for the corresponding aqueous acid gas - alkanolamine systems. Several
experimental studies reporting VLE measurements for acid gas-MDEA-water systems
have been published in the literature. As discussed in Chapter One, representation of

experimental data with a thermodynamically rigorous model is needed so thai one can
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confidently and systematically interpolate between and extrapolate beyond the available
data. Representation of data is especially important as the number of components, and
thus the degrees of freedom, in a system increases. A thermodynamically rigorous
model, employing semi-empirical thermodynamic functions, can be used to
significantly reduce the experimental effort required to characterize the VLE behavior of
a multicomponent system such as mixed amine - acid gas - water systems.

It was shown in Chapter Six that the model proposed in in this work
satisfactorily represents VLE data for acid gas-alkanolamine-water systems. The
objective of this Chapter is to show that the VLE model can be used to satisfactorily
represent the solubility of CO3 in aqueous mixtures of MDEA with MEA and DEA.
Best values of the additional/unique adjustable parameters of the model for the mixed
amine systems were fitted on experimental CO, solubility data measured in this work

and reported in Chapter Five.

12 R on_of CO; Solubility in Mixed Amize Solutl

7.2.1 Data Regression

Extension of the model to represent the solubility of CO3 in mixtures of MDEA
with MEA or DEA is straightforward. To model the chemical equilibrium behavior of
the liquid phase, the relevant equilibrium reactions listed in Chapter Four are included
in the set of independent reactions. Thus two independent amine dissociation reactions
(reaction 4f for MDEA and MEA or DEA) and one carbamate reversion reaction

(reaction 4g for MEA or DEA) in addition to the first and second CO» dissociation



279

reactions (reactions 4d and 4e) and the H0 dissociation reaction (4a) are adopted as the
independent set of chemical reactions.

The only additional molecule-ion pair parameters of the Electrolyte-NRTL
equation that were not fiited on ternary system data, but which affect representation of
COz2 solubility in mixtures of MDEA with MEA or DEA, are those for which the
molecule is water and the ion pair is formulated from protonated MDEA and the
carbamate anion of MEA or DEA. These adjustable binary parameters were fitted on
experimental measurements of CO; solubility in aqueous mixtures of MDEA with MEA
and MDEA with DEA reported in Tables 5.4 and 5.5.

The data presented in Tables 5.4 and 5.5 are CO solubility measurements made
in aqueous mixtures containing 2 kmol m-3 MDEA and 2 kmol m-3 MEA or 2 kmol m-3
DEA. As discussed in Chapter Five, an amine mixture such as this, equimolar in
MDEA and MEA or DEA, would not likely be used in an industrial gas treating
application for bulk CO; removal. The presence of such a high concentration of MEA
or DEA in an MDEA based solvent would negate the energy advantages gained from
using MDEA. The promoters would be used at lower concentrations primarily to
enhance the CO3 absorption rate. However, the objective of this work was to test the
validity of the extended VLE model for the mixed amine-CO»-water systems. It was
felt that model representation of experimental data would be most rigorously evaluated
using measurements of CO, solubility in a mixture with relatively high concentrations
of both MDEA and MEA or DEA. Furthermore, since the only additional adjustable
parameters that arise for the mixed amine systems are related to the protonated MDEA

cation, and the MEA or DEA carbamate anions, it was important to simultaneously have



280

a high concentration of both ions in the solution to effect a high sensitivity of calculated
CO partial pressure to the relevant parameters.

Best values of the unique adjustable parameters for the mixed amine systems are
reported in Table 7.1. Note that the temperature dependence of these parameters,
expressed by the coefficient 'b’ of equation (4.67), could not be determined and that the
estimated standard deviations of fitted values of the ‘a’ coefficient in equation (4.67) are
relatively large. This suggests that the parameters could not determined with a hi ch
degree of confidence, perhaps because they were fit on few data points.

However, because of the poor agreement of the VLE data used to fit the binary
interaction parameters of the CO2-MDEA-H,0 system, the resulting parameter values
may not be consistent with the true equilibrium behavior of this system. Hence, they
would also not be consistent with the true equilibrium behavior of the CO2-MDEA-
MEA-H30 or the CO2-MDEA-DEA-H,0 systems. If such were the case, it is possible
that accurate and statistically significant binary interaction parameter values for the
mixed amine systems could not be determined. Note that while the standard deviations
corresponding to the parameters in Table 7.1 are high, the parameter values are in
relatively good agreement with the values of the interaction parameters reported in Table

6.4 for the single amine systems and with the default values.



Table 7.1 Fitted values of NRTL molecule - ion pair binary interaction parameters
for CO2 - alkanolamine (1) - alkanolamine (2) - H30 systems.

T =a + bT
RNH; = MEA RoNH = DEA R3N = MDEA
Parameter a Ca b(°K) Cbh T(25°C)
H20-R3NH*RHNCOO- 9.903 2.67 0.0 * 9.90
R3NH+*RHNCOO-H;0 -4.776 1.13 0.0 * -4.78
H20-R3NH+,RoNCOO-  10.387 1.65 0.0 * 10.39
R3NH+,RoNCOO-H0  -4.965 0.69 0.0 * -4.97

* Parameter value fixed at zero because it could not be estimated with statistical significance;

7.2.2 Data Representation

Results of the experimental CO; solubility measurements in the 2 kmol m-3
MDEA, 2 kmol m-3 MEA mixtures at 40 and 80°C are shown in Figures 7.1 and 7.2.
Similar results are shown for the 2 kmol m-3 MDEA, 2 kmol m-3 DEA mixtures at 40
and 80°C in Figures 7.3 and 7.4. Also shown on these figures are CO; solubility
curves for 4 kmol m3 solutions of MEA (DEA) and MDEA and for a 2 kmol m-3
MDEA-2 kmol m-3 MEA (DEA) mixture. All curves were generated using the VLE
model and the parameter values reported in Tables 6.4 and 7.1.

Figures 7.1 through 7.4 show that the VLE model represents the solubility of

COz in the amine mixtures very well at low to moderate loadin gs. However, agreement
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between model representation and the experimental data at the higher loadings is not as
good. This may be due to a poor fit of the data at higher loadings or to errors in
experimental measurements at higher loadings. However, as discussed before, it may
also be that the binary interaction parameters fitted on MDEA-CO5-H,0 VLE data do
not reflect the true equilibrium behavior of this ternary system.

While this discussion is centered around the solubility of CO2 in aqueous
mixtures of MDEA with MEA or DEA, examination of the relative solubilities of CO,
in aqueous solutions of the relevant singie amine solutions is useful for understanding
CO3 solubility behavior in the amine mixtures. It can be seen in Figures 7.1 through
7.4 that the CO3 solubility curves for the 4 kmol m-3 solutions of MDEA and MEA
(DEA) (ie. single amine solutions) cross at a loading of approximately 0.6 moles of
CO2 per mole amine. The relative positions of the CO; solubility curves indicate that
above a certain CO2 partial pressure, corresponding to a CO2 loading of approximately
0.6 mol/mol, the solubility of CO in a 4 kmol m-3 solution of MDEA is greater than
the CO3 solubility in a 4 kmol m3 solution of MEA or DEA. This is primarily due to
the different chemical reactions that occur in the different amine systems.

The reaction of MEA or DEA with CO; to form carbamate by reaction (2g)
results in the conversion of two amine molecules for each CO»> molecule reacted.
Hence, for an aqueous solution of a primary or secondary amine, it is reasonable to
assume (as a first order approximation) that the amine will be completely converted to
products at a CO2 loading of 0.5 moles of CO, per mole amine. If the carbamate is
stable (small carbamate stability constant), it will resist revertin g to bicarbonate
(reaction 4g), and an increase in CO; partial pressure will result in physical absorption

of CO; only. However, molecular CO, is not highly soluble in an aqueous solution.
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Therefore, a substantial increase in CO; partial pressure would be required to effect
even a small increase in the concentration of COj in the liquid phase.

Chemical equilibrium behavic: in a CO; loaded aqueous solution of an amine
that forms an unstable carbamate would be different. An unstable carbamate would
easily revert to bicarbonate freeing a molecule of amine which would become available
to react with additionally absorbed CO3 to form bicarbonate. Reversion of carbamate to
bicarbonate would thus allow a greater loading (solubility) of CO; at a given CO,
partial pressure. That is, at high partial pressures, more CO5 can be solubilized if the
carbamate is unstable and easily reverts to bicarbonate.

MDEA can be viewed as forming a very unstable carbamate. MEA can be
viewed as forming a very stable carbamate. And DEA can be viewed as forming a
carbamate of intermediate stability. By the argument proposed above, the CO2-MDEA
equilibrium curve crosses the CO2-MEA and CO5-DEA equilibrium curves largely
because MEA and DEA form stable carbamate species. Therefore, at high CO7 partial
pressures, an MDEA solution can be loaded to a greater degree than can an MEA or
DEA solution.

It can also be seen in Figures 7.1 through 7.4 that the CO3, solubility curve for a
2 kmol m-3 MDEA, 2 kmol m-3 MEA (DEA) mixture approaches the CO3 solubility
curve for the 4 kmol m-3 MEA mixture at very low loadings. This behavior can be
explained as follows. At very low loadings the primary mechanism by which CO, is
absorbed is through reaction with MEA (DEA) to form the carbamate of MEA (DEA).
This is due to the high stability of these species as reflected by the associated carbamate

stability constants. As the COj loading increases, the ratio of molecular MDEA to
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MEA (DEA) increases. Therefore, because of the principle of mass action, both MEA
(DEA) and MDEA affect the solubility of CO5 at moderate CO, loadings.

At loadings approaching 1 mole CO; per mole of amine, the CO, solubility
curve for the amine mixture again approaches the equilibrium curve for the 4 kmol m-3
MEA (DEA) solution. This behavior is probably due to the high stability of the
carbamate of MEA (DEA). As will be shown shortly, the carbamate anion of MEA
(DEA) is present in the mixed amine solutions even at these high loadings. The
important point is that at moderate to high loadin gs, the reversion of carbamate of the
primary or secondary amine to bicarbonate seems to play an important, if not
controlling, role in determining the equilibrium behavior of CO5 in the amine mixture.

Figures 7.1 through 7.4 indicate that the addition of MEA or DEA to an
aqueous MDEA solution results in a decrease in the equilibrium CO, partial pressure at
low to moderate loadings. Alternatively, the addition of MEA or DEA to an aqueous
MDEA solution results in an increase in the solubility of CO3 in the aqucous phase at
low to moderate CO3 partial pressures. Figures 7.5 through 7.8 more clearly illustrate
the reduction (or increase) in equilibrium CO, partial pressures realized by adding MEA
or DEA to an MDEA based solvent. These figures show the equilibrium partial
pressure of CO3 over 4 kmol m-3 mixtures of MDEA with MEA or DEA relative to the
equilibrium partial pressure of CO, over a 4 kmol m-3 aqueous solution of MDEA
(single amine). Note that the effect of MEA or DEA on the CO3 equilibrium partial

pressure is reduced at a higher temperature.
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Figure 7.1  Equilibrium solubility of CO; in 4 kmol m-3 MDEA, 4 kmol m~3 MEA,
and 2 kmol m3 MDEA - 2 MEA kmol m-3 aqueous solutions at 40°C,
Amine concentrations are CO; free.
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Figure 7.2 Equilibrium solubility of CO3 in 4 kmol m-3 MDEA, 4 kmol m-3 MEA,
and 2 kmol m-3 MDEA - 2 MEA kmol m-3 aqueous solutions at 80°C.
Amine concentrations are CO; free.
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Figure 7.3 Equilibrium solubility of CO3 in 4 kmol m-3 MDEA, 4 kmol m*3 DEA,
and 2 kmol m-3 MDEA - 2 kmol m-3 DEA aqueous solutions at 40°C.
Amine concentrations are CO; free.
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Figure 7.4  Equilibrium solubility of CO5 in 4 kmol m-3 MDEA, 4 kmol m-3 DEA,
and 2 kmol m-3 MDEA - 2 DEA kmol m-3 aqueous solutions at 80°C.
Amine concentrations are CO; free.
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Figure 7.5 CO; equilibrium partial pressure over 4 kmol m-3 MDEA-MEA aqueous
niixiures relative to the CO; equilibrium partial pressure over 4 kmol m-3
at 40°C. Amine concentrations are CO5 free. Pressures were calculated
with the VLE model.

M



290

10

|
s
K

0.0 M MEA

0.25M MEA
wee=- 0.50 M MEA
""" 1.0M MEA
.l a i L iy 1 L
0.0 0.2 0.4 0.6 0.8

CO2 Loading (mol CO2/mol amine)

1.0

Figure 7.6  CO equilibrium partial pressure over 4 kmol m-3 MDEA-MEA aqueous
mixtures relative to the CO; equilibrium partial pressure over 4 kmol m-3

at 120°C. Amine concentrations are CO, free. Pressures were calculated

with the VLE model.
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Figure 7.7 COj equilibrium partial pressure over 4 kmol m-3 MDEA-DEA aqueous
mixtures relative to the CO; equilibrium partial pressure over 4 kmol m-3
MDEA at 40°C. Amine concentrations are CO3 free. Pressures were
calculated with the VLE model.
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Figure 7.8  CO; equilibrium partial pressure over 4 kmol m-3 MDEA-DEA aqueous
mixtures relative to the CO, equilibrium partial pressure over 4 kmol m-3
MDEA at 120°C. Amine concentrations are CO3 free. Pressures were
calculated with the VLE model.
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7.3 Speciafi

Speciation plots are useful in further analyzing the liquid phase chemical
equilibrium behavior of carbonated aqueous mixtures of amines. Figure 7.9 is a
speciation plot for a carbonated aqueous 3 kmo! m-3 MDEA, 1 kmol m-3 MEA mixture
at 40°C. Figure 7.10 is a similar plot for a 3 kmol m-3 MDEA, 1 kmol m-3 DEA
mixture at 120°C. As shown in Chapter Six, speciation plots illustrate trends in the
relative concentrations of the ionic and molecular species at equilibrium in the liquid
phase as a function of acid gas concentration. They also lend insight into VLE
behavior. Of particular interest in this application are the various species to which COp
reacts in the solution as a function of loading.

As shown in Figures 7.9 and 7.10, in an aqueous mixture of MDEA with MEA
or DEA, CO; is mainly converted to carbamate of MEA or DEA at very low loadings.
At moderate CO3 loadings, the carbamate concentration does not vary significantly
while additionally absorbed CO; is reacted primarily to bicarbonate. Athigh loadings,
the carbamate reverts, and the bicarbonate concentration further increases with loading,.
However, even at a loading of 1.0 mol/mol, a significant fraction of CO; is present as
carbamate in the mixed amine solution. It appears that the reversion of carbamate to
bicarbonate plays an important role in determining the equilibrium behavior of CO,
even at loadings approaching unity. This is consistent with the behavior of the CO,
equilibrium partial pressure over MDEA-MEA or MDEA-DEA mixtures at high
loadings as illustrated in Figures 7.1 through 7.4.

Also of interest in Figures 7.9 and 7.10 are the relative concentrations of MEA
or DEA and MDEA. The concentrations of the unreacted alkanolamines are important

in determining the rate of absorption in a rate-based simulator. In the MDEA-MEA
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mixture, the concentration of MDEA is essentially constant at low loadings while the
concentration of MEA decreases rapidly with loading in this range. MEA preferentially
reacts with CO2 because it forms a very stable carbamate and, to a lesser extent,
because of the relatively large pKa of MEA. For a 3 kmol m-3 MDEA, 1 kmol m-3
MEA mixture at 40°C, MEA is almost completely converted to protonated MEA or
carbamate at a loading of 0.4 moles CO3 per mole of amine.

Figure 7.10 indicates that DEA disappears at a slower rate as loading increases
than does MEA in the corresponding amine mixtures. This is consistent with the fact
that the carbamate of DEA is not as siable as the carbamate of MEA. Furthermore,
while DEA disappears faster than MDEA as the CO, loading initially increases from
zero, molecular DEA is present in the solution to a loading of 0.9 mol/mol These
results suggest that DEA will continue to enhance the absorption rate of CQOj in an

MDEA based solvent mixture even when the solution is highly loaded.
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Figure 7.9  Liquid phase mole fractions of a CO; loaded 3 kmol m-3 MDEA - 1 kmol
m-3 MEA aqueous solution at 40°C. Amine concentrations are COs, free.
Mole fractions were calculated with the VLE model.
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Figure 7.10 Liquid phase mole fractions of a CO5 loaded 3 kmol m-3 MDEA - 1 kmol
m3 DEA aqueous solution at 40°C. Amine concentrations are CO; free.
Mole fractions were calculated with the VLE model.
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Chapter Eight

Summary, Conclusions and Recommendations

8.1 _Summary

A physico-chemical model was developed for representing VLE in HyS-CO»-
alkanolamine-water systems. The alkanolamines of interest in this work include
monoethanolamine, MEA, diethanolamine, DEA, diglycolamine, DGA, and
methyldiethanolamine, MDEA. The framework of the model is based upon both
chemical equilibria, to determine the equilibrium distribution of species in the liquid
phase, and phase equilibria, to determine the equilibrium distribution of molecular
species between the vapor and liquid phases.

Liquid phase activity coefficients are represented with the Electrolyte-NRTL
equation accounting for both long-range ion-ion interactions and local or short-range
interactions between all true liquid phase species. The system is modeled as a mixed
solvent (alkanolamine-water) solution. Vapor phase fugacity coefficients are caiculated
using the Redlich-Kwong-Soave (RKS) equation of state.

Adjustable parameters of the model, binary interaction parameters of the
Electrolyte-NRTL equation and carbamate stability constants, were fitted on relevant
binary system (acid gas-H20 and alkanolamine-H»0) and ternary system (HpS-
alkanolamine-HO and COz-alkanolamine-H0) VLE data reported in the literature.

The ternary system VLE measurements used to estimate parameters ranged in
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temperature from 25 to 120°C, in alkanolamine concentration from i to 5 M, in liquid
phase acid gas loading from 0 to 1.5 moles of acid gas per mole of amine, and in acid
gas partial pressure from less than 0.1 to greater than 1000 kPa.

Best values of the adjustable parameters were determined using the Data
Regression System (DRS) of ASPEN PLUS process simulator. DRS is a generalized
least squares method for the estimation of parameters in physical property models
including vapor-liquid equilibrium models. DRS is based upon the maximum
likelihood principle. It is especially useful for estimating parameters from data for
which both dependent and independent state variables are subject to error.

The model was extended to represent CO; solubility in aqueous mixtures of
MDEA with MEA and MDEA with DEA. However, no data are reported in the
literature for the solubility of CO5 in these mixtures. Therefore, in support of this
work, the solubility of CO3 in 4 kmol m-3 aqueous mixtures of MDEA with MEA and
MDEA with DEA was measured at 40 and 80°C over a wide range of CO; partial
pressures. This data was used to estimate values of the additional (unique) adjustable
parameters for the mixed amine systems.

A stand-alone bubble-point algorithm was developed to be used independently
of ASPEN PLUS. The thermodynamic framework and thermodynamic functions used
in the stand-alone algorithm are identical with those employed by ASPEN PLUS. The
liquid phase equilibrium distribution of species is determined by a Gibbs free energy
minimization technique in which values of the free energy are constrained by the
elemént abundance equations. The minimum in the Gibbs free energy is found by the
method of Lagrange multipliers. Because they are nonlinear in mole numbers, the

necessary conditions for a minimum in the free energy are satisfied by iiciatively
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solving a linearized set of the necessary conditions. The method has proven to be

reliable and efficient.

8.2 Conclusions

Maximum likelihood estimates of HzS or CO3 equilibrium partial pressures and
HjS or CO3 liquid phase apparent mole fractions were found to be in good agreement
with ternary system (HS-amine-H70 or C0Oz-amine-H70) measurements for aqueous
solutions of MEA, DEA, DGA, and MDEA indicating that the model successfully
represents the solubility of HS or CO; in aqueous solutions of these amines. Where
there is poor agreement between various sources of ternary system VLE data,
maximum likelihood estimates of state variables varied somewhat more from reported
measurements. Representation of CO; solubility was seen to be slightly skewed above
100°C for a number of the alkanolamines suggesting the model exhibits a minor

systematic ‘lack of fit' of CO, solubility at high temperatures.

Without fitting additional parameters on reported quaternary system data (H»,S-
COz-alkanolamine-water), maximum likelihood estimates of H3S and CO; equilibrium
partial pressures and H,S and COj3 equilibrium liquid phase concentrations were found
to satisfactorily agree with quaternary system measurements for all four alkanolamines.
These results indicate that the model satisfactorily represents the solubility of HyS and

CO mixtures in aqueous solutions of MEA, DEA, MDEA, and DGA.
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Modeling of water-alkanolamine solutions revealed that these binary systems
exhibit negative deviations from ideality. MEA-water, DEA-water and DGA-water
systems were seen to deviate widely from ideality while the MDEA-water was seen to
deviate only moderately from ideality. Alkanolamine activity coefficients were
generally found to vary from unity to the greatest extent at infinite dilution. Since acid
gas-alkanolamine-water systems of industrial importance are primarily water,
consideration of these deviations from ideality is important if the liquid phase
equilibrium concentration of free alkanolamine is to be accurately calculated. Accurate
determination of liquid phase alkanolamine concentration is especially important in rate-

based models wherein alkanolamine concentrations enter into kinetic expressions.

Estimated molecule-molecule and molecule-ion pair parameters were generally
well determined as reflected by the relatively small standard deviations corresponding to
these parameters. The only molecule-ion pair parameters that affecied representation of
terary system VLE data were water-ion pair parameters. These were génerally in
good agreement with water-ion pair parameters estimated for strong electrolyte
systems.

Carbamate stability constants were also well determined. Estimated values of
the carbamate stability constants suggest that of the amines considered, MEA forms the
most stable carbamate, DGA forms a carbamate of intermediate stability, and DEA

forms the least stable carbamate.

Corresponding pairs of water-ion pair interaction parameters were generally

found to be highly correlated. Fortunately, water-ion pair interaction parameters were
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not found to be highly correlated with other water-ion pair parameters involving
different ion pairs. Nor were water-ion pair interaction parameters found to be
correlated with the carbamate stability constants. This, together with the fact that most
estimated parameters were well determined, suggests that the data regression process

was able to separate chemical and physical interactions.

The solubility of CO2 in MDEA - MEA and MDEA - DEA aqueous solutions
containing 2 kmol m-3 of each aikanolamine was found to behave in a manner
consistent with the solubility of CO2 in 4 kmol m-3 solutions of MDEA, MEA, and
DEA. The addition of MEA or DEA to an MDEA solution was seen to substantially
increase the solubility of CO> at low acid gas loadings. Alternately, at low acid gas
loadings, the addition of MEA or DEA to an MDEA solution was seen to decrease the
equilibrium partial pressure of CO5 over the solution. Both experimental results and
model representation indicated that the addition of a fixed amount of MEA to an MDEA
solution has a greater affect on CO» solubility than will a fixed amount of DEA.
However, speciation with the model suggests that molecular DEA is present in solution
to higher acid gas loadings, thus enhancing COy absorption rates over a wider range of

loadings.

Water-ion pair interaction parameters fitted on mixed amine CO» solubility data
measured in this work were found to be in good agreement with parameters fitted on
single amine ternary system VLE data. Representation of the experimental data by the

model is good, especially at industrially important acid gas loadings.



302
8.3 _Recommendations
During the course of this study, many important and interesting issues and

research topics outside the scope of the work were recognized. Several are discussed

here as recommendations for future work.

Perhaps the most important contribution that can be gained from this work is
through the use of the model as a tool for evaluating acid gas solubility behavior in
new, alkanolamine based, solvent systems. In recent years, many new solvent systems
have been proposed for gas treating applications. These include hindered amines for
selective HS removal (Sartori and Savage, 1983), and amine mixtures to which an
acid has been added to effect a greater degree of HpS removal (Union Carbide Corp.,
1984). The experimental effort required to characterize the acid gas solubility behavior
of these new solvent systems will be exhorbitant. However, owing to its fundamental
and thermodynamically consistent basis, the model developed in this work could be
used, in conjunction with experimental design, to effect a reduction in the effort
required to characterize acid gas solubility behavior. Parameters of the model could
adjusted on accurate solubility data measured at a minimum number of strategically
selected temperatures and pressures allowing it to be confidently used for interpolation
and extrapolation.

Moreover, by fixing binary parameters at default values and using only pure
component data and equilibrium constants for all relevant reactions (ie. no experimental
solubility data), the model could be used to calculate first order approximations of HaS

and CO3 solubilities in new solvent systems.
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The Electrolyte-NRTL equation is capable of representing activity coefficients to
high ionic strengths. However, it is a complicated excess Gibbs energy equation;
activity coefficients derived from it are also complicated. Application of the Electrolyte-
NRTL equation is, therefore, computationally time-consuming. Since equilibrium
models are executed often by both equilibrium-staged simulation models and rate-based
simulation models, the issue of computational efficiency is important. Hence, a
comparison of acid gas-alkanolamine-water VLE data representation by the model
developed in this work with previously developed models (employing
thermodynamically less rigorous approaches) would prove interesting,

It would also prove interesting to compare the liquid phase equilibrium
compositions calculated by the model developed in this work with those calculated by
earlier VLE models. Unfortunately, no data are available that can be used to judge
accuracy. It has been noted that accurate calculation of liquid phase concentrations are
especially important in rate-based models and in the determination of rate constants
from absorption rate measurements. Of particular interest would be calculated values of
the equilibrium concentration of unreacted amine in the liquid phase. It has been shown
that in an aqueous system, some amines exhibit large deviations from ideal behavior.
Consideration of these deviations from ideality is important if the equilibrium

concentration of free alkanolamine is to be calculated accurately.

As noted in Chapter Four, the adjustable parameters of the Electrolyte-NRTL
equation include molecule-ion pair parameters rather than molecule-ion parameters.
This is due to Chen's assumption of local-electronewtrality. One of the consequences

of this assumption is that in binary electrolyte-solvent systems (eg. NaCl-H20) cation
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and anion activity coefficients calculated by the Electrolyte-NRTL equation are equal.
In reality, however, cation and anion activity coefficients are not generally equal.
Therefore, it would be interesting to reformulate and reevaluate the Electrolyte-NRTL
equation without applying the assumption of local-electroneutrality. This would, of

course, be useful for applications both within and outside the scope of this work.

To date, the present VLE model is the most sophisticated developed for the acid
gas-alkanolamine-water system. It has been postuiated that deviations of liquid phase
behavior from ideality can be more confidently represented because the Electrolyte-
NRTL equation is valid to ionic strengths representative of industrial practice. It would
now be useful to evaluate the equilibrium model as a component of a rate-based model.
As noted earlier, the equilibrium model would be used in this context to calculate bulk
liquid phase composition (the bulk liquid phase is normally assumed to be in chemical
equilibrium) and the concentration of molecular CO3 or H3S in the liquid at the gas-
liquid interface (physical equilibrium is usually assumed to exist at the gas-liquid

interface).



Appendix A

Activity coefficients by the Electrolyte-NRTL Equation
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NRTL Contribution:
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Anions:
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Activity coefficients by equations (A.4), (A.6), (A.8) are symmetrically normalized.
To obtain the unsymmetrically normalized activity coefficients for which the solute
(molecular and ionic) reference state is the ideal infinitely dilute aqueous solution,
equations (A.5), (A.7), and (A.9) must be subtracted from the corresponding

expressions for the symmetrically normalized activity coefficients.



Appendix B

Parameter Correlation Matrices

The correlaiion coefficient, p, between two parameters - 0; and 0 - is defined as

p(61, 6y = €L (4.80)
G192

where cov(03, 07) is the covariance between the two parameters 0; and 05, and Cp;

and oy, are the estimated standard deviations of the estimates of 01 and 6. Parameters

that are completely independent have a correlation coefficient of zero. Parameters that

are perfectly correlated have a correlation coefficient of +1. ASPEN PLUS DRS

calculates the matrix of parameter correlation coefficients from the parameter variance-

covariance matrix. These matrices are symmetric. Therefore, only the lower entries of

the matrices are reproduced here.
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Binary Syvstems

MEA-H>0 System

Parameters:

aH,0-MEA
by,0MEA
aMEA H,0

bMEA-H,0

TH,0-MEA = 2H,0-MEA + bH,0.MEA

TMEA-H,0 = 3MEA-H,0 + DMEA-H,0

aH,0.MEA bH,0.MEA aMEA-H,0
1.000

. 0.000 0.000*
0.000 0.000 0.000*
-0.995 0.000 0.000

310

bMEA-H,0

1.000

* Associated parameter fixed at zero, standard deviation was not estimated.

DEA-H30 System

Parameters:

3H,0 DEA
aDEA-H,0
bu,0.0EA
bpEA-H,0

TH,0-DEA = 8H,0.DEA + bH,0.DEA

TDEA-H,0 = 2DEA-H,0 + PDEA-H,0

aH,0.DEA apEA-H,0 bu,0.DEA
1.000
-0.981 1.000
-0.930 0.930 1.000
0.991 -0.983 -0.978

bpEA-H,0

1.000



MDEA-H>;0 System
Parameters:  Ty,0.MDEA = 8H,0-MDEA + DH,0.MDEA

TMDEA-H,0 = 3MDEA-H,0 + DPMDEA-H,0

-+ :0EA SMDEAH,0  DH,O0MDEA  bMDEAH,0

21,0 MDEA 1000
SMDEAH,0  -0.597 1.000

bH,0.MDEA 0.000 0.000 0.000*

bMDEA-H,0 0.000 0.000 0.000 0.000*

* Associated parameter fixed at zero, standard deviation was not estimated.

DGA-H20 System
Parameters:  14,0.06A = 21,0.064 + bu,0.00A

TDGA-H,0 = ADGA-H,0 + bDGA-H,0

aH,0.DGA apGA-H,0 bH,0.0GA bpGA-H,0
aH,0.DGA 1.000
aDGA-H,0 0.000 0.000%
bu,0.0GA 0.000 0.000 0.000*
boca-H0 0.998 0.000 0.0GG 1.000

* Associated parameter fixed at zero, standard deviation was not estimated.
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H3>S-MEA-H 0
Parameters:  TH,0.MEAH+HS- = 8H,0.MEAH*HS- + DH,0-MEA+Hs-

TMEAH+HS-H,0 = 38MEAH+HS-H,0 + DMEALI* Hs~11,0

aj b; a2 b2
aj 1.000
by -0.995 1.000
a -0.980 0.977 1.000
by 0.974 -0.980 -0.995 1.000
where aj = ag,0 MEAH" Hs- b} = bu,0.MEAH" Hs-

a2 = aMEAH " .HS-H,0 b2 = bvEAH" Hs-H,0



CO>-MEA-H>0

Parameters:

313

- - + -
TH,0-MEAH HCO; = 2H,0.MEAH,HCO,” +bH,0.MEAH" HCO;

TMEAH HCO, H,0 = 38MEAH" HCO,"1,0 + bvEAH" HCO, 1,0

TH,0-MEAH ' MEACOO’ = 3H,0.MEAH  MEACOO™ + by,0.MEAH " MEACOO™

TMEAH MEACOO H,0 = 2MEAHMEACOO -H,0 + bMEAH MEACOO™1,0
InKcarbamate = C1 + Co/T

a]
ar  1.000
a2 .0.823
b1 -0.952
a3 -0.050
a4 -0.059
b3 0.000
C1 0177
C2  0.129

a2

1.000
0.616
0.182
-0.124
0.000
-0.065
0.094

by

1.000
-0.026
0.133
0.000
0.318
-0.273

a3

1.000
-0.955
0.000
-0.253
0.231

a4 b3 Ci C2
1.060
0.000 0.000%*

0.254  0.000 1.000
-0.199  0.000 -0.992 1.000

Note: by and by were fixed at zero, standard deviation was not estimated. *Associated parameter
encountered a bound, stands:d deviation could not be estimated.

where

aJ = a0 MEAH HCO;
22 = aMEAH ' HCO; -H,0
3= aH,0.MEAH' MEACOO’

24 = aMEAH MEACOO™-H,0

b1 = by,0.MEAH " HCO,
b2 = bMEAH HCO,-H,0
b3 = by,0.MEAH" MEACOO™

bs = byvEA’ MEACOO 1,0
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H>S-DEA-H>0
Parameters:  TH,0.DEAH+HS- = @H,0.DEAH*Hs- + DH,0-DEAH+HS-

TDEAH*HSH;0 = 3DEAH*HS--H,0 + DDEAH+HS--H,0

a) b1 a2 b2
aj 1.000
by -0.997 1.000
a -0.969 0.964 1.000
by 0.967 -0.969 -0.997 1.000
where 21 =ay 5.ppaR" Hs- b1 = by,0.DEAH Hs-

a2 = apEAH" HS-H,0 b2 = bpean” Hs-H,0



CO,-DEA-H,0

Parameters:

TH,0-DEAH HCO;” = 8H,0.DEAH" HCO,” + bH,0.DEAH" HCO,™
2

TDEAH HCO; H,0 = 3DEAH"HCO;H,0 + boEaH" HCO, 1,0

- - + -
TH,0-DEAH",DEACOO’ = 3H,0.DEAH",DEACOO" + bi,0.DEAHT DEACOO

TDEAH",DEACOO™-H,0 = 3DEAH,DEACOO -H,0 + bDEAH" DEACOO™ 1,0

In Kearbamate = C1 + Co/T

al
a 1000
b1 -0.914
B2 -0.657
a3 -0.603
b3 0.100
a4 0555
C1 .0243
C2 0139

by

1.000
0.305
0.363
0.113
0.304
0.129
-0.078

a2

1.000
0.677
0.028
-0.720
0.303
-0.186

a3

1.000
-0.323
-0.924

0.459
-0.267

b3 ay C1
1.000
0.002 1.000

-0.643 -0.242  1.000
0.573  0.091 -0.966

Note: by and bg were fixed at zero, standard deviations were not estimated.

where

a1 = ay,0.DEAH " HOO,™
a2 = apEAH " HCO; -H,0
a3 = ay,0.DEAH" DEACOO™

24 = 4DEAH,DEACOO -H,0

b1 =bu,0.0EAH" HCO,
b2 = bpean® HCO,-H,0
b3 = by,0.0EAH" DEACOO™

b4 = bpgan" DEACOO H,0

C

1.000
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H>S-MDEA-H»0

Parameters:

a
aa
b
b2
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TH,O-MDEAH*HS- = 8H,0-MDEAH*HS- + bH,0.MDEAH+HS-

TMDEAH+HS-H,0 = 8MDEAH+HS--H,0 + DMDEAH* HS--H,0

a az
1.000
-0.339 1.000
-0.973 0.129
0.000 0.600

by b
1.000
0.000 0.000*

* Note: by was fixed at zero, standard deviation was not estimated.

where a1 = a0 MDEAH" Hs-

b1 = by,0.MpEAH" Hs-

CO;-MDEA-H,0

Parameters:

aj
az
b
by

a) a
1.000
-0.608 1.000
-0.966 0.391
0.000 0.000

a2 = aMDEAH " HS--H,0

b2 = bupEaH" Hs-H,0

TH,0-MDEAH+HCO; = @H,0-MDEAH+HCO;” + DH,0.MDEAH+HCO,”

TMDEAH*HCO; -H;0 = 3MDEAH+HCO, -H,0 + bMDEAH+.Hco3' -H,0

b1 by
1.000
0.000 1.000*

Note: by was fixed ai zeio, standard deviation was not estimated.

where a1 = a0 MDEAH" HCO,”

b1 = by,0.MDEAH" HCO;

a2 = aMDEAH ' HCO; -H,0

b2 = bMpEAK" HCO; H,0
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H3S-DGA-H,0
Parameters:  Tj,0.DGAH*HS- = aH,0-DGAH+HS- + DH0.DGAH+Hs-

TDGAH*HS"-H,0 = 3DGAH*HS"-H,0 + bDGAH+HS-H,0

aj b a2 by
a] 1.000
by -0.970 1.000
a2 -0.266 0.035 1.000
by 0.000 0.000 0.000 0.000*

* Associated parameter encountered at bound, standard deviation could not be estimated.

where a] = aH,0.DGAH" Hs- a2 = apGAH HS--H,0

b1 = by,0.06AH" Hs- b2 = bpaH" Hs-1,0



C0O2-DGA-H»0

Parameters:

b1
a2
a3
ay
G
C2

- - + -
TH,0-DGAH HCO; = @H,0.DGAH HCO,” + bH,0.0GAH HCO,

TDGAH HCO; - H,0 = 2DGAH HCO; H,0 + PDGAH" HCO; H,0

- - + -
TH,0-DGAH ', DGACOO’ = 2H,0.DGAH' MEACOO +bH,0.0GAH" DGACOO

- - + -
TDGAH" DGACO0"-H,0 = ADGAH" DGACO0™-H,0 + bDGAH" DGACOD™ 1,0

In Kearbamate = C1 + Co/T

b;
1.000
-0.984
-0.441
0.381
0.284
0.124

a2

1.000
0.446
-0.447
0.314
-0.217

a3

1.000
-0.928
0.420
-0.171

1.000
-0.398
0.310

Ci Ca
1.000
0.895 1.000

Note: aj, by, b3, and by were fixed at zero, standard deviations were not estimated.

where

a] = ay,0.DGAH HCO,”
a= aDGAH+.Hco3'-H20
a3 = aH,0.DGAH" .DGACOO™

a4 = apGAH' DGACOO™-H,0

b1 =by,0 DGAH" HCO,
2 = bpean" Heo, 1,0
b3 = by,0.0G6AH" DGACOO

ba = bpsan®,pGACO0 H,0
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Thy ™h

Q"

Gex

Nonm:enclature

coefficient cf equation (4.66)

element abundance matrix

Debye-Hiickel constant for osmotic coefficient
Debye-Hiickel constant for activity coefficient
activity

parameter of Redlich-Kwong-Soave equation of state
coefficient of equation (4.67)

coefficient of equaiion (4.66)

parameter of Guggenheim equation

parameter of Redlich-Kwong-Soave equation of state
coefficient of equation (4.67)

moles of element i

coefficients of equation (4.8)

parameter of Electrolyte-NRTL equation
concentration

coefficients of equation (4.9)

dielectric constant of solvent mixture

density

partial derivative

charge of electron

vector of errors in measured state variables

fugacity

parameter of Redlich-Kwong-Soave equation of state
transformed fugacity for data regression

vapor phase fugacity of component i

liquid phase fugacity of component i

parameter of Electrolyte-NRTL equation

total Gibbs free energy

total excess Gibbs free energy
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P 1
pref

molar Gibbs free energy

partial molar Gibbs free energy

molar excess Gibbs free energy

partial molar excess Gibbs free energy
Henry's law constant for solute i in solvent s

Henry's law constant for component i in water at saturation pressure

molar enthalpy

ionic strength on mole fraction scale
Boltzmann constant

kilogram-moles

equilibrium constant, mole fraction
equilibrium constant, mole kg1

number of experimental measurements
number of independent chemical reactions in system
molarity

mixed solvent molecular weight

solvent molecular weight

solute molecular weight

meter

molality

number of components in system
matrix of stoichiometric coefficients, Vij
Avogadro's number

moles

vector of mole numbers

pressure, Pa or kPa as noted
transformed pressure for data regression
reference pressure

ionic radius

gas constant

number cf independent chemical reactions
variance-covariance matrix

molar entropy
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temperature, K

molar voiume

partial molar volume

partial molar, volume of a solute in water at infinite dilution
liquid phase mole fraction based on true species, molecular and ionic
liquid phase apparent mole fraction

vector of mole fractions, apparent or true as indicated
trensformed liquid phase apparent mole fraction for data regression
effective liquid phase mole fraction (X=x*C;))

vapor phase mole fraction

vector of vapor phase mole fractions

absolute value of ionic charge

parameter of Rackett equation

ionic charge

compressibility factor

vector of observable state variables

vector of true values of observable state variables

current estimate of z

vector of measured values of z

NRTL nonrandomness factor

parameter of Redlich-Kwong-Soave equation of state

acid gas loading

vector of acid gas loadings

convergence criterion parameter

parameter of equation (4.20)

kronecker delta

activity coefficient

vapor phase fugacity coefficient in mixture

pure solvent vapor phase fugacity coefficient at saturation pressure
Lagrange multiplier

vector of Lagrange multipliers



OO < TE

R

Superscripts
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chemical potential

stoichiometric coefficient in chemical reaction

adjustable parameter

vector of adjustable parameters

vector of adjustable parameters

closest approach parameter of the Pitzer-Debye-Hiickel equation
correlation coefficient

density

standard deviation of experimental measurements, parameter estimates
NRTL binary interaction energy parameter

acentric factor

step size parameter

reaction extent

MRT

acid gas-free

standard state
Normalization convention II
Normalization convention ITI
infinite dilution
experimental value

excess property

iteration number

saturation pressure
solute-free

transpose

estimated 'true’ value



Subscripts

Am
a, av’an
BORN

c,c'\c

ij.k
Ib
local
LR
SR

nonaq
PDH
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amine

anion

Born contribution to Electrolyte-NRTL equation
cation

critical property

ion pair

critical property for mixture

any species

lower bound

local contribution to excess Gibbs energy

long range

short range

molecular species

mixture property

nonrandom-two liquid contribution to Electrolyte-NRTL equation
fraction of solution that is nonageous
Pitzer-Debye-Huckel contribution to Electrolyte-NRTL equation
reduced by critical value

solvent

at specified temperature

total amount

total amount

upper bound

water

inert compenents
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