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Natural gas and refinery gas streams usually contain acid gases such as
carbon dioxide and hydrogen sulfide that must be removed. The prevailing
method for removing these gases is by chemical absorption into aqueous
alkanolamine solutions. The common amines used are methyldiethanolamine
(MDEA), diethanolamine (DEA), monoethanolamine (MEA) and their mixtures.
To better design and operate these absorption systems, a good vapor-liquid
equilibrium model of the chemical thermodynamics is needed.

It is difficult to measure vapor-liquid equilibrium (VLE) data accurately at
low acid gas concentrations. However, good predictions at these conditions are
crucial to determining system performance and economics. Therefore, a primary
goal of this work was to improve existing model predictions and understanding of

low loading behavior. As acid gas approaches a loading of zero, the solution



becomes a binary amine-water system. Freezing point data from the literature and
heat of mixing data measured in this work have been regressed along with total
pressure data to significantly improve modeling of the binary amine-water
systems.

Abundant VLE data exists at moderate to high loadings, but very little
exists at low loading, and even then, discrepancies are seen between data sources.
Therefore, pH and conductivity data have been measured to supplement the VLE
data and improve confidence in model predictions at low acid gas loadings. The
electrolyte-nonrandom two-liquid model has been used to represent
thermodynamics in these solutions. The Data Regression System™ (DRS) of
Aspen Plus™ was utilized to regress model parameters to the experimental data.
DRS reports not only the regressed parameters, but calculates error in the
parameter values and provides a parameter correlation matrix. These tools made
it possible to critically analyze model sensitivity to the parameters. The important
parameters and interactions are identified and provide the key to obtaining better
model predictions. By comparing analogous parameters from MDEA and DEA
systems, intelligent choices were made for mixed amine parameters in the
MDEA-DEA-H;S-CO, system. With the knowledge gained, reasonably accurate
predictions can made for other mixed amine systems for which experimental data

does not exist.
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Chapter 1: Introduction to Acid Gas Treating

1.1 GAS TREATING BY CHEMICAL ABSORPTION

Natural gas streams and refinery process streams often contain hydrogen
sulfide (H2S) and carbon dioxide (CO3) gases that must be removed. The
traditional treating method is an absorption/stripping system using aqueous
solutions of alkanolamines. For natural gas production, typical pipeline
specifications call for less than 4 ppmv H3S due to possible corrosion and the
health and environmental concerns of HyS. CO; specifications are more flexible
and vary from 10 ppmv for ammonia or liquefied natural gas plants to a few
percent for pipeline natural gas (Astarita et al., 1983). Light hydrocarbons such as
methane and ethane have a very low solubility in these aqueous alkanolamine
solutions.

The gas stream containing the H;S and CO» is contacted countercurrently
with the amine solution at approximately 40°C and 1000 psia, see figure 1.1. The
amine solution which now contains the acid gases, called rich amine, is sent
through a heat recovery exchanger and then to the top of the stripper. A steam
heated reboiler maintains 120°C in the stripper to reverse the absorption reactions.
The desorbed gases are then either sent to a Claus plant for conversion of the H3S
to elemental sulfur, or to an incinerator depending on the H2S concentration. The
now "lean amine" is recycled back through the heat exchanger to the top of the

absorber.
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Figure 1.1 Simplified schematic of an absorption / stripping system for removal
of H3S and CO from natural gas streams using aqueous
alkanolamine solutions.

The common amines used are monoethanolamine (MEA), diethanolamine
(DEA), methyldiethanolamine (MDEA) and 2-(2-aminoethoxy) ethanol, known
more commonly by its Huntsman Chemical trade name, Diglycolamine®
(DGA®). MDEA and its mixtures with MEA or DEA began receiving attention
in the early eighties. MDEA blends can combine the favorable properties of fast
CO,, reactions for MEA and DEA with the low heats of reaction for MDEA to

achieve a “tuned” process with the desired H2S / CO selectivity.
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Although the basics of this process are very old, new alkanolamines and
new mixtures of alkanolamines keep the industry continually improving its
processes. The development of faster computers and simulation programs, such
as Aspen Plus™, give us the ability to create more sophisticated and accurate
models that would have been unreasonably slow ten years ago. A good model of
the absorption/stripping system can be useful to both the designer and operator.
The designer can use the model to predict the number of stages required, what
amine recirculation rate to use, and what the utility requirements are for a
specified separation. The operator can use a model that has been fine tuned to
match the system operating conditions to troubleshoot possible problems, such as

inefficient trays that occur later in the life of a gas treating system.

1.2 PREVIOUS EQUILIBRIUM MODELS

1.2.1 Kent-Eisenberg

Kent and Eisenberg (1976) created the first equilibrium model that
received widespread use. Their model was based on pseudo-equilibrium

constants and Henry’s Law. They regressed the pseudo-equilibrium constants for



the amine protonation and carbamate reversion reactions for MEA and DEA
systems to fit experimental vapor-liquid equilibria (VLE) data. This resulted in 2
model which has only two parameters per acid gas to account for the ionic
strength dependencies of the acid gas partial pressure. The model was reasonably
accurate at loadings greater than 0.1, but was inaccurate at lower loadings due to
the manipulations of the amine equilibrium constants. Another drawback of this
model was that it could not be used to find ionic species concentrations. By
regressing the equilibrium constants they have effectively combined the activity
coefficients with species mole fractions making independent determinations of
either impossible. Only MEA and DEA systems were studied in their paper and

they report a reasonable predictive agreement with mixed acid gas data.
1.2.2 Edwards et al.

Edwards et al. (1975, 1978) developed a model for aqueous solutions of
ammonia with carbon dioxide, hydrogen sulfide, sulfur dioxide and hydrogen
cyanide. These chemical systems are similar to the typical gas treating chemical
system, alkanolamine-H,0-CO,-H3S. They also compiled chemical equilibrium
and Henry’s constants in water for the various compounds as a function of
temperature. Austgen (1989) based many of his constants on this compilation.
Their equation for activity coefficients, eq. 1.1, is the basis for the Deshmukh-

Mather model.
1.2.3 Deshmukh-Mather

Deshmukh and Mather (1981) produced a more thermodynamically

rigorous model based on extended Debye-Hiickel theory and the work of Edwards



et al. (1975, 1978) and Beutier and Renon (1978). Their activity coefficient
equation had one term to account for electrostatic forces by the Debye-Hiickel law
and a second term with adjustable parameters to account for short range

interactions.
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The Peng-Robinson equation of state was used to determine vapor phase
fugacity coefficients. One important thing to note is that they have assumed the
activity coefficient of water to be 1.0. Our work shows that the water activity
coefficient can be different from 1.0 and is highly correlated with the amine
activity coefficient. A 5% change in water activity coefficient can result in a large
change in the amine activity coefficient.

To simplify their regressions, species having small concentrations were
removed from the mass balances and their parameters were set to zero so that they
had no effect on the model. As an example, for the MEA-CO,-H2S-H;0 system,
CO,, H3S, OH-, H*, S=, and CO; would be neglected. These assumptions leave
questions about the validity of the model in the low loading ranges where the
above neglected species are important. Deshmukh and Mather neglect any mixed
acid gas parameters and state that combining the single acid gas systems
sufficiently predicts mixed acid gas equilibrium. Weiland et al. (1993 & 1995)
used the Deshmukh-Mather model to predict CO2 and H2S equilibrium for MEA,
DEA, DGA® and MDEA.



1.2.4 Lee Model

Lee (1992 & 1994) has been developing a modified group contribution
model for equilibrium predictions for gas treating systems. His model is modified
from previous group contribution methods in that it can account for gas molecules
such as CO and H»S that can not be broken into groups. The possible benefits of
his model when completed would be the ability to predict the behavior of new
proposed alkanolamine molecules for which there is no data. A drawback of
group contribution methods is that they require accurate data for a series of
chemically similar compounds to generate the group constants. Accurate data is
often hard to find for the amines of interest, such as MDEA, and data for the other
amines in a series, which have no industrial use, are non-existent. Since the
parameters of his model are also regressed on acid gas VLE data, it has the same

data discrepancy problems to contend with as do other models.
1.2.5 Electrolyte-NRTL Model

Austgen (1989) utilized the electrolyte-Nonrandom Two-Liquid (NRTL)
theory developed by Chen and coworkers in a series of articles; Chen et al. (1979,
1982), Chen and Evans (1986) and Mock et al. (1986) to model acid gas VLE.
This model reduces to the NRTL model of Renon and Prausnitz (1968) when no
acid gases are present.

To model the limiting case of amine-water, Austgen found as much total
pressure data from the literature as he could and regressed it. Unfortunately,
activity coefficients for amine and water are not very sensitive to total pressure

data at industrially important conditions. This resulted in a set of parameters for



the binary amine-water systems with questionable accuracy and temperature
dependence. Chang (1992) improved amine-water modeling by measuring and
regressing binary freezing point depression data. However, the enthalpy
predictions of his amine-water models were still not correct.

Austgen also collected all the data he could find for acid gas vapor-liquid
equilibrium in MDEA, MEA, DEA and DGA® and regressed parameters for these
data. He provides sets of parameters for the above amines with CO3 and H3S
separately. He states in his dissertation that no additional parameters are needed
to predict VLE in the amine-H3S-CO2-H70 systems and provides model
comparisons for these systems.

Very little mixed amine data existed when Austgen was preparing his
model. Therefore, Austgen measured VLE data for MDEA-MEA-CO3 and
MDEA-DEA-CO3 systems at 40°C and 80°C. He then successfully regressed this
mixed amine data using two additional parameters that did not exist for the single
amine systems.

Because of the lack of confidence in the MDEA-H>O binary parameters,
Austgen set them to zero. This means his MDEA-Acid Gas models asymptote to
an ideal solution as the acid gas concentrations go to zero. We know from several
sources that the MDEA-H,0 system is highly non-ideal. The accuracy of the
other amine-water binary models is also in question due to the model’s low
sensitivity to the total pressure data he used. Errant amine-water models effect
predictions at acid gas loadings below approximately 0.01. Unfortunately, VLE

data is sparse below 0.01 putting greater emphasis on an accurate model structure.



1.3 MODEL SELECTION

For this work we have selected the electrolyte-NRTL model for
representation of equilibrium in these systems. It has the added feature of being
completely flexible in choice of the chemical system. Calculations can be made
for systems as simple as amine-water and as complex as mixed amine, mixed acid
gas systems such as MDEA-DEA-H,0-HS-CO;. The electrolyte-NRTL model
can also predict more complex systems from parameters for the subset systems.
For example, parameters from MDEA-H3S and MDEA-CO; can be combined to
make predictions for the MDEA-H;S-CO; without regressing additional
parameters. In some cases, predictions for mixed acid gas or mixed amine
systems would benefit from regression of additional parameters, but this is not
always necessary.

This model is available as a property package in Aspen Plus™. This in
itself was a positive factor in selecting this model. Aspen is widely used in the
process industries and parameter sets that are obtained here can be immediately
utilized by practicing engineers. If some new model structure were created, a
FORTRAN code for equilibrium calculations would have to be provided. Even
then, the end user would still have to have FORTRAN code to model heat and
mass transfer in the absorber and stripper units. This added effort on the part of
the end user would greatly reduce the use and reference to our work. Aspen
Plus™ also has a built in data regression algorithm called the Data Regression
System™ (DRS). DRS allows simultaneous regression of many types of data

such as VLE, heat of mixing, freezing point, and pH which aids our



thermodynamic method of using all of the data to create a well rounded model.
The DRS also allowed the concentration on issues of the data quality, model
structure and low loading behavior rather than fighting with convergence routines
and creation of a regression algorithm.

A final reason for choosing this model is its applicability. Its structure
specifically allows the inclusion of two solvents in the system, whereas other
electrolyte models only allow water as a solvent. In acid gas treating, both the
amine and the water are considered solvents. The model has also been shown to
work for highly concentrated electrolyte solutions. Chen and coworkers have
shown the electrolyte-NRTL model to predict well for numerous concentrated
electrolyte systems. Austgen has also successfully applied this model to acid gas
treating systems, with some deficiencies as noted above. Based on these
successes, it was determined that we could use this model framework to improve
our understanding of acid gas treating thermodynamics with an emphasis at low

loading conditions.
1.4 SCOPE

Absorption of the acid gases into the alkanolamine solutions is governed
by the mechanism of mass transfer with chemical reaction. Other researchers are
currently investigating rates of mass transfer and chemical reaction kinetics in
these systems and that effort is beyond the current scope. However, all of the rate
models contain a term for the equilibrium solubility of the acid gases to establish
a driving force for mass transfer. Accurate speciation of the solution is an integral

part of the equilibrium calculations required by rate based models. Therefore, a



good model for predicting the solution thermodynamics at all possible
combinations of temperature, amine concentration, and acid gas loading is
needed.

One goal of this work is to obtain a set of parameters for the electrolyte-
NRTL model for the MDEA-DEA-H,0-CO2-H3S system. MDEA is receiving
increased use in gas treating compared to the other amines due to its lower heat of
absorption with acid gases, lower corrosivity, and lower vapor pressure. MDEA
also has a much slower rate of reaction with CO, than the primary or secondary
amines. This is a desirable trait because the CO; inlet partial pressure is often
already below output specifications and unfavorably hinders the ability of the
solution to absorb H5S into the ppm range. There are situations where an MDEA
solution will achieve the desired H»S removal, but cannot meet the CO4 removal
specifications due to its slow reaction. In these cases, rather than using a different
amine, the amine solution is “tuned” to the inlet gas by adding DEA to the MDEA
solution. By adding the faster reacting DEA in the exact amount needed, the CO2
outlet specification can be met without losing all the benefits that MDEA offers
over the other amines. To decide exactly how much DEA is needed and what
effects this has on operating parameters, an accurate VLE model is needed. It is
for these reasons the MDEA-DEA-H;0-CO>-H3S system was chosen for
modeling.

One problem that is encountered in modeling acid gas treating is that
experimenters report statistically different partial pressures of the acid gases at the
exact same conditions. Usually, differences between the data sets cannot be easily

attributed to errors in procedures or methods. This leads to the unfortunate
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situation where VLE data is uncertain at crucial design conditions, such as at the
top of the absorber. In fact, accurate experimental data in the very low acid gas
loading ranges is nearly impossible to collect. However, using an accurate and
valid thermodynamic model we can determine with certainty which data set is
correct and make VLE predictions with confidence at acid gas loadings well
below where any data currently exist. This is accomplished by careful selection
of the constants and parameters used and by performing model driven
experiments. At experimental conditions where the accuracy or quantity of VLE
data is lacking, thermodynamically related data can be used to fill in the void.
Data such as heat of acid gas absorption, pH, freezing point depression and heat of
mixing can be regressed along with VLE data to create a complete model for
thermodynamic equilibrium in acid gas treating systems that is more accurate than

a model based upon VLE data alone.
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Chapter 2: Solution Thermodynamics

Removal of acid gases from natural gas streams is typically accomplished
by physico-chemical absorption into aqueous alkanolamine solutions. Mass
transfer is carried out in a trayed absorber or stripper where the liquid and vapor
phases are brought into contact. To predict equilibrium compositions and
therefore the outlet concentrations, we must understand the solution
thermodynamics involved. The reader is assumed to have a basic familiarity with
thermodynamics and no attempt is made to present the entire thermodynamic
framework here.

Discussion of equilibrium thermodynamics is broken into two parts in this
chapter. The first part covers the physical vapor-liquid equilibrium (VLE) of
molecular species. The second part discusses the chemical reactions that typically
occur in aqueous alkanolamine gas treating systems. Most of the basic
thermodynamic theory presented here is taken from the book Molecular
Thermodynamics of Fluid-Phase Equilibria by Prausnitz, Lichtenthaler and
Azevedo (Prausnitz et al., 1986).

2.1 CONCENTRATION UNIT CONVERSIONS

Before we can begin modeling the alkanolamine-acid gas system, a
concentration basis must be chosen. The electrolyte-NRTL model that is used
here was developed using mole fraction concentrations. One difficulty that is
encountered in modeling these systems is that experimental data exists in three

different concentration units, mole fractions, molalities and molarities. In order to
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keep a consistent model we must use a single concentration system for all
equations and experimental data. Therefore, relationships are needed to convert

between the different concentration bases.
2.1.1 Molality to mole fraction

Molality, m;, is defined as moles of substance i per kg of solvent. Molality
units are typically used for dilute solutions in water where mole fractions would
require many decimal places to maintain accuracy. To convert to the mole
fraction scale, kg solvent in the denominator needs to be converted to total moles
of solution. The conversion is performed as follows, where MW,y is the

molecular weight of the solvent in grams per gram mole.

. — . k
Xi = mj *MWgqy * 1000 g 2.1
Assuming that the solvent is water, equation 2.1 becomes
18
X =i * {500 22)

2.1.2 Molarity to mole fraction

Molarity units require more information for conversion to mole fractions
than does molality. Molarity is defined as moles of the substance of interest per
liter of solution. A liter of solution is not well defined since the density of
alkanolamine solutions change with concentration and temperature. Therefore,
the density of the solution (g soln / L soln) must be known in order to convert to
mole fractions. First, the weight fraction, w;, of the amine is calculated from
equation 2.3.

M; * MW;

= (2.3)
Psoln * 1000

Wi

where wj is the weight fraction of i, grams i / total grams soln
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M; is the Molarity of component i, mol i /L soln

MW; is the molecular weight of component i, grams i / gmol i

Psoln is the density of the solution, grams soln / mL soln
To convert from weight fraction to mole fraction one has to assume that amine
and water are the only important species. This is usually possible since
experimental data is reported as a function of the unloaded amine-water
concentration even at very high acid gas loadings. Equation 2.4 is then used to
convert weight fraction to mole fraction.

Wi 1-w;
+
MW;  MWmo

X = (2.4)

2.2 VAPOR-LIQUID PHASE EQUILIBRIA

Absorption of acid gases proceeds in two “steps”. Figure 2.1 illustrates, in
a simplified manner, the two step process of acid gas absorption or desorption.
For the first step, gas phase species must be dissolved into the aqueous phase.
This equilibrium will sometimes be written in a form resembling a chemical
reaction as shown below, where “(g)” refers to a molecule in the gas phase and
“(aq)” refers to a gas molecule dissolved in an aqueous solution.
H2S (g) < H3S (ag) (2.5)
The second step shown in figure 2.1 is the chemical reactions. Chemical reactions
serve to convert the aqueous gas species into ions and keep reaction 2.5
continuing to the right. It is these acid-base reactions which give alkanolamine
solutions their high acid gas capacities. Chemical reactions are discussed in detail

in section 2.3.
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Natural Gas with H2S and CO,
H3S (g) CO2(g)
Physical
- Absorption
H3S (ag) CO2 (aq)
Chemical MDEA + H,S < HS- + MDEAH*
MDEA + CO3 + H0 ¢ HCO; + MDEAH*
D

Figure 2.1 Simplified illustration of the equilibrium processes involved in acid
gas absomﬁon or desomtion into aqueous alkanolamine solutions.

2.2.1 Chemical potential and fugacity

Equilibrium between two phases, labeled here o and B, was described

using chemical potentials by Gibbs. He states that at equilibrium, the chemical
potential of a species must be the same in both phases.

= b 26)

While this forms the backbone of equilibrium thermodynamics, it is not

directly useful itself. A way was needed to relate this abstract concept to

measurable quantities such as temperature and compositions. G. N. Lewis took

the Gibbs-Duhem equation for a pure substance i. He then substituted the ideal

gas law for the partial volume term and equation 2.7 resulted.
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Since the assumptions on equation 2.7 are too limiting for practical use, Lewis
recast the equation, replacing pressures with fugacities. The only requirement of
equation 2.8 is an isothermal change in the chemical potential, and allows
prediction for multiple non-ideal phases. He further defined this fugacity ratio as
an activity shown in equation 2.9.
o f i
Ho- W = RT In— (2.8)
i
f i -
— = activity = a; 2.9)
i
We can apply the above definitions to equation 2.6 and obtain a new, completely
general, expression of equilibrium. It is from equation 2.10 that our equations for
vapor-liquid equilibrium are derived.
f=5P (2.10)
2.2.2 Vapor Phase non-idealities

A fugacity coefficient is defined as the ratio of the fugacity of component i
in the vapor phase with its ideal gas partial pressure. Fugacity coefficients are
further defined that in the limit of zero pressure, the gas partial pressure equals the
fugacity, i.e. ¢ goes to one.

f{ =& yiP 2.11)
The fugacity coefficient can be related to known measurable variables with an
empirical equation of state. One example is the modification of the Redlich-

Kwong equation by Soave (Soave, 1972). Whichever equation of state is used, it
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must be written in terms of the gaseous molar volume of the component of
interest. Then the integration on equation 2.12 can be applied to relate the

equation of state to the fugacity coefficient.
P
RTIn g5 =f0 [oi- 5 ap 2.12)

2.2.3 Liquid phase non-idealities
Beginning with the definition of activity in equation 2.9, activity

coefficient is defined as given below in equation 2.13.
L
g _fi

"% T Px
1

Rearranging equation 2.13 gives us a starting form for the liquid phase fugacity

(2.13)

shown in equation 2.14.
fr=vixi ff (2.14)

f? is the standard state fugacity for pure liquid component i. For

compounds which are liquids at standard conditions, like alkanolamines and

water, the standard state fugacity coefficient is defined as the pure component

vapor pressure, P:, at the temperature of the system.
fr=nxP CXPU; 1—%1)) 2.15)
The integral term added to equation 2.15 is known as the Poynting
correction and accounts for system pressures that are different from the saturation
pressure. When the liquid phase is assumed incompressible the integral is easily
determined and equation 2.16 results for non-supercritical components. At the

relatively low pressures in acid gas vapor-liquid equilibrium the Poynting

correction is usually very close to 1 and can be neglected.
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° V; (P-Pi°)
fr="xP exp(—‘%——) (2.16)
The vapor-liquid equilibrium relationship for regular components is then the

combination of equations 2.16 and 2.11.

Vj (P-Pi°)) @.17)

% YiP=Ti%P; exp(—R—T—
Supercritical components such as CO; and H,S will not exist as pure species in
alkanolamine gas treating systems and therefore require a different reference state.
The infinite dilution reference state is used for supercritical components. As the

mole fraction approaches zero, 'y: approaches 1 and f? approaches H?. Activity

coefficient reference states are discussed in detail in section 2.2.4 below.

P oo
v. dP
fi= Yi* Xi erprPio i{T } (2.18)

H? is Henry’s constant and defined to be ){—’ Equation 2.19 is then the VLE
1

relationship for supercritical components.

. P v, dP
@ yiP=7; xi Hexpl | T (2.19)

2.2.4 Activity Coefficient Normalization

To maintain consistency with the fugacity reference states limits for the
activity coefficients must be defined. In this work, solvent activity coefficients
are defined to approach one as the solvent mole fraction approaches one. Solute
and ionic activity coefficients are defined to approach one as the mole fraction

*
approaches zero in pure water. Note that Y does not necessarily approach one as
PP P Y app

its concentration approaches zero in a mixed solvent.

Solutes, ions: y; — 1.0 as x; = 0.0 in water (2.20)
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Solvents: Yooy —> 1.0 as xg, — 1.0 2:21)

Since solutes and ions are normalized differently than water, their activity
coefficients are said to be unsymmetrically normalized. An asterisk is used to
indicate that an activity coefficient is unsymmetrically normalized. The
electrolyte-NRTL model defines the alkanolamines as a second solvent subject to
the limit in equation 2.21 above. This convention is know as symmetrically
normalized since both the water and the amine approach activity coefficients of
one as they approach their pure liquid states.

This convention for the alkanolamines requires a conversion of the amine
protonation equilibrium constant since all equilibrium constants are determined
based on the asymmetric activity coefficient convention. Section 2.3 provides the
details on making the conversion of alkanolamine protonation equilibrium

constants.
2.2.5 Activity Coefficient Relationships

Most of the variables on the right side of equations 2.17 and 2.19 are
known a priori. In fact, if there were no chemical reactions occurring and activity
coefficients could be assumed close to one, equation 2.17 reduces to Raoult’s Law
and calculations can be made without having to fit experimental data.
Unfortunately, acid gas treating solutions are highly non-ideal and activity
coefficients are far from one. Therefore, a method must be devised for calculation
of activity coefficients as a function of solution composition and temperature.
One can develop an empirical, direct expression for activity coefficients and fit

experimental data with the expression. Another method is to create a model for
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excess Gibbs energy which is related to activity coefficients through equation
2.22. Experimental data is then regressed upon parameters in the excess Gibbs
energy model. Details of the Nonrandom Two-Liquid (NRTL) and electrolyte-
NRTL model are given in Chapters 3 and 5, respectively.

Zex =RT ), xi Iny; (222)
1

The NRTL model (Renon and Prausnitz, 1968) is an excess Gibbs energy model.
It is preferable to empirical relationships since it inherently provides the proper
behavior as mole fractions approach one or zero. A model based on excess Gibbs
energy is also desirable due to its direct relationships with excess enthalpy given
in equation 2.23. Excess enthalpy is related to heat of mixing and heat of
absorption data. Therefore, having this direct relationship between excess Gibbs
energy and excess enthalpy allows the combined regression of pressure and
enthalpy data. This is tremendously useful where VLE data is of poor quality or
non-existent. In addition, excess enthalpy is directly related to the temperature
dependence of the activity coefficients and greatly improves modeling of

temperature dependent variables.

B
he
=R (2.23)

2.3 CHEMICAL EQUILIBRIA

Discussion so far has concerned the thermodynamics of molecules
between two phases. However, all of the species considered in this work also
undergo chemical reactions. Acid gas removal by absorption into alkanolamine

solutions is the preferred method of acid gas removal due to the high capacity of
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these solutions. This capacity for acid gases is a result of the weak basicity of the
amines which react with the acid gases to convert them into ions thereby trapping
them in the liquid phase. These reversible acid-base reactions provide a large
capacity enhancement over simple physical absorption. Some physical absorption
processes are being used in industry, but usually for limited, specific applications.
One example where physical absorption is preferred is the removal of carbonyl
sulfide (COS) from natural gas. COS reacts irreversibly with some amines and
would quickly neutralize the alkanolamine solution requiring expensive
replacement of the entire solution inventory. For these cases, a non-reactive
physical solvent would be used. Further discussion of physical solvents will not
be carried out here since CO, and H>S both undergo reversible reactions with
alkanolamines.

Equilibrium constants are required for each of the reactions occurring in
solution. Chemical equilibrium constants are related to the activities of each of
the species as shown in equations 2.24 through 2.26. The lower case letters are
the stoichiometric coefficients, vj, and the capital letters are labels for the

chemical species.

K=" 2.24)
1
bB +cC = dD +¢E (2.25)
d e
a
K= ‘b’—acE 2.26)
33 3¢

Equilibrium constants can usually be determined from titration
experiments which are extrapolated to zero concentrations. This is necessary

since only concentrations can be determined experimentally. Since activity

21



contains both activity coefficient and mole fractions as given in equation 2.13, to
determine K from equation 2.26 all of the activity coefficients must approach one.
It is convenient then that activity coefficients for ions and water are defined to
approach one as the solution approaches pure water. Alkanolamine activity
coefficients are an exception to this rule and equilibrium constants taken from the
literature must be converted to the convention used in this work. Section 2.3.2.2
discusses the conversion of the amine protonation equilibrium constants in more
detail.
Equilibrium constants are a function of temperature however, and the
typical form is given in equation 2.27.
an=A+%+C*lnT+D*T (2.27)
Equilibrium constants are related to the change in Gibbs energy due to the
reaction as shown in equation 2.28. From the definition of G we also obtain an

expression directly relating the temperature dependence of the equilibrium

constants with the heat of the reaction, eq. 2.29.

AG.

K =330 (2.28)
dnK  AHmao
Jam-"_ R (2.29)

2.3.1 Acid Gas Treating Reactions

The following set of chemical reactions are unique to acid gas treating
systems. Equilibrium constants reported in this work are calculated based on the
directions the following reactions are written. Details on the temperature

dependent parameters of equation 2.27 for these reactions are given in chapter 5.

2H0 & OH- + H30* (2.30)
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COz + 2H0 & HCO; + H30% 2.31)

HCO, + H0 & co3= + H30+ (232)
HsS + HyO < HS- + H30+ (2.33)
HS- + H,O < S= + H30t (2.34)

MDEAH+ + H;0 < MDEA + H30*% (2.35)
DEAH* + H,0 « DEA + H;0% (2.36)
DEACOO- + Hy0 > DEA + HCO, (2.37)

Primary and secondary alkanolamines are known to react directly with
CO, to form a carbamate ionic species. Reaction 2.37 gives the carbamate
reversion reaction for DEA which is a secondary amine. MDEA is a tertiary
amine and does not form a carbamate species. Unfortunately, since carbamate,
carbonate and bicarbonate all exist simultaneously when absorbing CO3 into
primary or secondary amines, the equilibrium constant for equation 2.37 is
difficult to isolate. Very little independent experimental determinations exist for
the DEA carbamate equilibrium constant and it is usually determined by

regression of VLE data.
2.3.2 Equilibrium Constant Conversion

Typically, equilibrium constants reported in the literature are reported at
infinite dilution in water and with concentrations on a molality basis. In this work
mole fraction units are used, therefore all of the equilibrium constants have to be
converted. The following section provides a description of the process. In

addition, our convention for alkanolamines states that their activity coefficients

approach 'Y: n and not 1 as their concentration approaches zero in water.
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Therefore, to use literature values of alkanolamine reactions we normalize them
by the infinitely dilute activity coefficient. This procedure is detailed below in

section 2.3.2.2.
2.3.2.1 Converting Molality to Mole Fraction Basis

Equilibrium constants as given in the experimental literature are typically

moles solute

reported on a molality basis. Molality units, kg water are more convenient

for use in dilute wet chemistry where the solution density can be assumed to equal
one and be mostly water. However, our model is based on the mole fraction
concentration scale so these constants must be converted.

Equilibrium constants are written in terms of activities as given in
equation 2.24. Using the water reaction as an example, equation 2.30, we write

the molality based equilibrium constant as
_ 30H- aH30+
o aH,0 2H,0

(2.38)
Since the solution is assumed to be infinitely dilute in water, the activity of water
equals 1 and all solute activity coefficients also approach one, resulting in
equation 2.39.

Kmw = MOH- MH30+ (2.39)
Both species molal concentrations are converted to mole fractions as given below

in 2.40. It is assumed that moles of water approximately equals the total moles of

solution.
18 gH,0 , 1kgH»0

Xi =M * e H,0 1000 g Hy0 (240)
In our example then, Kyw = Kmw (—1(1)—(8)0- and
InKyw=InKmpw +21In A8 _ In Kpw + 2 (-4.0174) (241)

1000
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So it is shown that the natural log of the molality based equilibrium constant has
4.0174 subtracted from it for each additional compound in the numerator,
neglecting water. Therefore, all of the reactions except for water ionization have
4.0174 subtracted from it only once in converting from the molality to mole
fraction basis. Note also that the conversion in 2.41 is not affected by temperature
and therefore the conversion can be applied to only the “A” parameter in equation

2.27.
2.3.2.2 Amine Protonation reaction conversion

Our model assumes that amine activity coefficients approach one as pure
amine is approached. However, equilibrium constants are typically measured by
extrapolating pH data to infinite dilution in water. The equilibrium constant based

on unsymmetric activity coefficients is given in equation 2.42. When the limit of

*N -
infinite dilution in water is applied, equation 2.43 results. K is the constant

normally reported in the literature as a function of temperature.
K < Xam X0+ Yam ¥ H30+
" XamH+ XHy0 Y'ambe YH0
K*oo - Xam XH30+
x ~ XamH+ XH,0

(2.42)

(2.43)

Applying the conventions used in this work for activity coefficients at
infinite dilution in water results in equation 2.44 which does not match equation
2.43.

_ Xam XH30+ .

Ky Vam (2.44)

x ~ XamH+ XHy0
Therefore, to use these constants consistently in our model, the

equilibrium constants must be divided by the infinitely dilute amine activity
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coefficient, Y;n, over the temperature range of interest. Y‘;n is calculated from a

VLE model of the binary amine-water system which is described in detail in
chapter 3. The resulting values were then re-fit to the standard temperature
dependent form for equilibrium constants. It is this modified amine protonation
equilibrium constant that is utilized in the electrolyte-NRTL model. Note also
that the DEA carbamate equilibrium constant will contain a symmetrically

normalized DEA activity coefficient. Therefore, comparisons of K¢, with other

literature values may also require normalization by Y3, -

2.4 CONCLUSIONS

In this chapter the basic concepts of vapor-liquid equilibria calculations
were discussed. Equations and equilibrium relationships that are utilized in this
work were presented to give the reader a better understanding of how abstract
thermodynamic concepts relate to concrete experimental data. With the theory
presented here the reader should have a better understanding of the relationships
of the variables and how they can be related to experimentally measured
quantities. It was assumed that the reader has a basic understanding of chemical
thermodynamics and no attempt was made to derive relationships from their
origin. For more details on thermodynamics the reader is referred to the

following books which are a current representation of thermodynamic theory:

Molecular Thermodynamics of Fluid-Phase Equilibria_ (Prausnitz et al., 1986),

Computer_Calculations for Multicomponent Vapor-Liquid and Liquid-Liquid
Equilibria (Prausnitz et al., 1980), Introduction to Chemical Engineering
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Thermodynamics (Smith and Van Ness, 1975), Perry’s Chemical Engineers’
Handbook, 6th ed., pp 4-52 to 4-89.

In VLE calculations the quantities that are typically unknown are the
activity coefficients and concentrations of all of the chemical species. Henry’s
constants and pure component vapor pressures are known from independent
experiments. Equilibrium constants for all of the reactions, except the carbamate
reversion, are also known from independent experiments and are used to relate the
activities of the species. Then, with a consistent activity coefficient model and the
requirements of overall charge and mass balances, the VLE problem can be

solved.
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Chapter 3: Binary Alkanolamine-Water Systems

To model the thermodynamics of the acid gas-alkanolamine-water
systems, we first must understand the binary alkanolamine-water systems. As the
acid gas loading approaches zero in these solutions, a binary amine-water system
results. By improving our knowledge of the thermodynamics in this binary
system, we increase our faith in the extrapolations of the model to very low acid
gas loadings.

3.1 MODEL STRUCTURE

Early in this project it was decided to use the electrolyte-NRTL model
(Chen et al., 1979) as the structure of the equilibrium model. As the concentration
of ions approaches zero, this model reduces to the Nonrandom Two-Liquid
(NRTL) Model of Renon and Prausnitz (1968). It was therefore logical to model
the binary systems using the NRTL model. The resulting binary parameters are
then included in the complete acid gas-alkanolamine-water system and their
values are not further regressed.

The NRTL model is an excess Gibbs energy model which has the

following form for a binary system:

gex 21Go1 112G12
RT =X IXZ(X1+X2G21 + Xo+X 16’12) (31)
i b by
with T =ap 4 T =R+ T
Gz =exp(-012712) Gy = exp(-0t1T21)

x1 = liquid mole fraction of component 1
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Renon and Prausnitz (1968) state that the nonrandomness parameter, ¢, can

roughly be related to the inverse of the coordination number. Coordination

numbers are on the order of 6-12, therefore o loses its physical significance for

values outside the range of 0.1 to 0.3. Based on these statements by Renon and

Prausnitz, & was kept constant at 0.2 for all of the binary systems. The subscripts

1 and 2 denote liquid components amine and water, respectively. Note that the

parameters are not reversible, i.e. T; does not necessarily equal 75, So, for a
binary system the four parameters are a,, byp, a3 and b,;, where the b terms
represent temperature dependence. From thermodynamics we get the equation

(3.2) for amine activity coefficient:

2 Ga1  \2 12612

For the activity coefficient of component 2 we need only to replace ail the

subscript 1's with 2's and vice versa. By taking the limit as the mole fraction of
amine approaches zero, we get an explicit form of equation (3.2) for the infinitely
dilute amine activity coefficient. This equation is given because the infinitely
dilute amine activity coefficients are needed for normalization of the equilibrium

constant of amines with water, as described in Chapter 2.

In ¥, mine = TH20-amine + Tamine-H20*€XP(-0*Tamine-H20) (3.3)
3.2 TYPES OF EXPERIMENTAL DATA

We can see from equations 3.1 and 3.2 how excess Gibbs energy and

activity coefficients are related to the model parameters. But how do we relate the
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model parameters to experimental data? The relationship between each data type

and the parameters is different and they are described separately below.
3.2.1 Total Pressure Data

For our binary systems the following equation can be used to represent
equilibrium for total pressure data. For this type of data, mixtures of various mole
fraction ratios of alkanolamine to water are prepared and the total solution vapor
pressure is measured as a function of temperature. Pressures for amine-water data
are usually low enough to neglect gas phase non-idealities.

P=1;P)xi+ ¥, PJ? X; (34
where P is the total solution vapor pressure

P? is the Antoine pure vapor pressure of component i

Xi is the mole fraction of component i

v; is the symmetric activity coefficient of component i

For total pressure data, the missing values in equation 3.4 are the activity
coefficients. Therefore, the model parameters are varied to change the calculated
activity coefficients in order to fit the total pressure data. Since the vapor
pressures of the amines are very low compared to water, 90% or more of the total
pressure is due to water. This leads to the unfortunate situation where a 10% error
in the total pressure can completely hide the amine contribution to the total
pressure. As a result, activity coefficients cannot be very accurately determined

from this data.
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3.2.2 Vapor-Liquid Equilibrium (VLE) Data

Occasionally, in addition to total pressure, the concentrations of amine and
water in the vapor phase are measured. Equation (3.4) then expands to include
this information and the activity coefficients can now be independently

determined.
Pyi+Pyj= ‘YiP?xii-‘YijOXj 3.5
where y; is the vapor phase mole fraction of component i
Usually a gas chromatograph was used to analyze the vapor phase
compositions. However, even with this sensitive instrument, the very low amine

vapor concentrations are hard to determine. In fact, VLE data was only found for

the most volatile amine, monoethanolamine.
3.2.3 Freezing Point Depression Data

From freezing point theory (Harmmed and Owen, 1950), we can relate the
activity of water directly to the freezing point depression of water. Equation (3.6)
is usually truncated to the first term since it contributes almost all of the value of
the activity. It can then be rearranged using the mole fraction definition of
activity coefficient to obtain equation (3.7).

2

T2

(o)

AHf Acp}

In(ay) = 2Bf —LAT¢+ (r (3.6)
RT,

where R is the universal gas constant, 8.314 J/gmol-K
T, is the normal freezing point of water, 273.15 K

ATy is the change in freezing point of water, T-Tq, K
AHg is the heat of fusion of water, -6.008 kJ/gmol
ACp, is the heat capacity difference between water and ice, 37.6 J/gmol-°C
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ex p(-O(;lgS;‘sATj
Yw = x‘;, (3.7)
Chang et al. (1993) measured freezing point depression for the most
common alkanolamines. They then used this data along with total pressure data
to obtain a reasonable set of NRTL parameters for several alkanolamine-water
systems. This work also utilizes this data. Freezing point data does have the
drawback of being at temperatures far from the area of interest. The freezing

point data ranged from -40°C to 0°C, whereas absorption/stripping systems

operate between 40°C and 120°C.
3.2.4 Excess Enthalpy Data

Excess enthalpy is defined here as the isothermal enthalpy change per
mole of solution when mixing two pure liquids without a chemical reaction.
When defined in this way, the calorimetrically measured heat of mixing is
identical to the excess enthalpy, hex, of the solution. Excess enthalpy data is
beneficial to modeling because it is directly related to the temperature dependence

of excess Gibbs energy.

B
__ Dex
M= R (3:8)

Therefore, in an excess Gibbs energy model for activity coefficients
excess enthalpy measurements will provide a more accurate temperature
dependence for the model. Applying the derivative in equation 3.8 to the binary
NRTL form (equation 3.1), results in equation 3.9 which illustrates the

relationship of excess enthalpy to the parameters of the model. The b terms have
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moved out to the front of the equation signifying their importance to the

calculation of hey and the temperature dependence of the model.

_hex _ X1%2b21G21lx (@ T21-1)-x9G2y] | x1x0b1aGialxx(0T12-1yx1G o]
R x1#x2G21)? (x2+x1G12)2

(3.9)

Several researchers have investigated the use of excess enthalpy data for
calculating vapor-liquid equilibria (VLE). Gow (1993) showed that partial molar
excess enthalpy data, AH:"(, alone could be used with the Wilson or NRTL models
to predict VLE. Hanks et al. (1971) showed that by using excess enthalpy data
alone VLE could be predicted with the NRTL model. Hanks et al. (1978b) also
showed that higher temperature VLE can be predicted from lower temperature
heat of mixing data. Hanks et al. (1978a) address the method of simultaneous
regression of hex and gex. They note that above some limit, the higher the
nonideality, the higher the error in simultaneous prediction of the data. The data
we have used fall well below their upper limit on gex of 134501 J/gmol soln at
o=0.2.

Unfortunately, very little excess enthalpy data was found in the open
literature. It was determined that this data would be greatly beneficial to proper
modeling of the binary alkanolamine-water systems. Therefore, experiments were

undertaken to measure the excess enthalpy for MEA, MDEA and DEA solutions.

Details on these experiments are given below in section 3.3.
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3.3 EXCESS ENTHALPY EXPERIMENTS

3.3.1 Chemicals Used

The DEA used is from Texaco Chemical, lot # 7H-1184/0DS-92-0232,
and is listed as 100% pure. The MDEA is Texaco "Textreat® M", lot# ODS92-
0179, and is listed as 95-99.99% pure. The MEA is from Fisher, lot# 851955,
listed as purified grade. The stock amines were vacuum degassed at
approximately 80°C before being transferred into smaller containers for use, but
no other purifications were made. The 0.1 mol/L NaOH was prepared from
vacuum distilled DI water. NaOH pellets were tared into a 250 mL volumetric
flask and the DI water was then added in stages to allow for the volume of
mixing. The exact concentration is not critical since the NaOH only serves to

prevent the amine protonation reaction which can cause a AH ;, error.
3.3.2 Experimental Method

A SETARAM model C80 batch calorimeter was used for the experiments.
Details on the calorimeter procedures and calibration are given in Ziaee (1995).
The temperature was controlled by the computer to £0.2°C. The calorimeter has a
sample cell and a reference cell, each with upper and lower compartments.
Samples of approximately 2.0 grams total weight were prepared gravimetrically
on an analytical balance accurate to #0.0001 g. In the reference cell, the amine
and water were premixed to their final desired composition, separated into equal
volumes and placed in the two compartments separated by an aluminum foil
membrane. The reference cell serves to cancel out the heat supplied to maintain

isothermal conditions and the negligible heat of stirring.
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In the sample cell the two fluids were placed into the separate, sealed
compartments on either side of the membrane and were not mixed until the
experiment began. The two cells were lowered into the calorimeter block to heat
up to the temperature of the experiment. Once both vessels have reached the test
temperature, both membranes were broken and the solutions were stirred lightly
for one minute. Heat flux detectors measured the difference in heat flow between
the vessels and the calorimetric block. The calorimetric block had sufficient
thermal mass to supply or receive heat to the vessels without changing
temperature. A curve was generated of differential heat flow versus time. The
area under this curve was then integrated by the computer to calculate the total

heat of mixing of the sample solution.
3.3.3 Sources of Error

The mostly likely cause of error in these experiments is alkanolamine
sticking to the walls of the cell and never mixing with the total solution. Another
possible error is the heat of reaction of CO> that might be dissolved in either
solution. Some CO, absorption is possible in the process of weighing out the
samples, but atmospheric contact has been minimized as much as possible. For
the 70°C data the pure chemicals were kept in septum sealed bottles and
withdrawn with syringes to minimize air contact and maintain a vacuum over the
liquids.

3.3.4 Experimental Results and Data Confirmation
The average error in the heat of mixing data is 5% or better as evidenced

in the repeat measurements. Some outliers exist for various reasons and have
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been flagged in Table 3.1. The heat of mixing curves follow an expected third
order behavior. Figure 3.1 shows excess enthalpy data for MEA with water by
Touhara et al. (1982) and Buslaeva et al. (1983) at 25°C, and the data collected in
this work at 25°C and 70°C. The one point collected at 25°C is within 2% of
Touhara's data and serves to confirm the analytical procedure used here. The
curves are the regressed predictions using the Nonrandom Two-Liquid (NRTL)
model which are discussed later. The Buslaeva data was not included in the
regressions, but serves to confirm the other experimental data at 25°C.

Figures 3.2 and 3.3 display the heat of mixing data for MDEA and DEA,
respectively. The heat of mixing data is not fit perfectly due to the influence of
other data used in the regressions. It is interesting to note that MDEA and MEA
have a significant change in heat of mixing between 25°C and 70°C compared to

DEA.
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Table 3.1. Experimentally measured heats of mixing of pure amines into 0.IN

NaOH at 25°C and 70°C
Amine Temp Final Conc. Heat of mixing
°C X amine __J/gmol soln.

DEA 25 0.0186 -233

DEA 25 0.0215 -391 *
DEA 25 0.0405 -515

DEA 25 0.0680 -823

DEA 25 0.0683 -801

DEA 25 0.1461 -1406

DEA 25 0.1488 -1491 *
DEA 25 0.2836 -1887

DEA 25 0.3882 -2016

DEA 25 0.3896 -1900

DEA 25 0.4805 -1771

DEA 25 0.6037 -1512

DEA 25 0.7488 -1013

DEA 693 0.0187 -356 *
DEA 694 0.0693 -793

DEA 694 0.2029 -1595

DEA 694 0.3941 -1791

DEA 692 0.5705 -1635 *
DEA 693 0.8015 -812

MEA 25 0.4925 -2269

MEA 693 0.1541 -1391

MEA 693 0.3085 -1988

MEA 694 0.4090 2217

MEA 69.7 0.4948 -2105

MEA 694 0.6720 -1690

* Questionable or outlying data point.

RO RL L4

0.0159
0.0362
0.0912
0.1472
0.2043
0.2942
0.3016
0.3426
0.4455
0.4956
0.4986
0.4994
0.6480
0.7383

0.0987
0.2009
0.2928
0.4785
0.6522

Amine Temp Final Conc. Heat of mixing
X amine

J/gmol soln.
-265
-699

-1401
-1912
-2170
-2207
-2413
-2348
-2230
-2021
-1998
-2184
-1691
-1212

-1029
-1793
-1915
-1772
-1382
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Figure 3.1. Heat of mixing experimental data for monoethanolamine into water.
Curves predicted by NRTL regression of total pressure, freezing

Eoint, heat of mixing and vanr-liguid eguilibrium data.
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Figure 3.2. Heat of mixing of pure MDEA into 0.1 mol/L NaOH. Curves
predicted by NRTL regression of total pressure, freezing point and

heat of mixing data.

39



T T T T L T T T T T LI | T T T

¢  This work, 25°C i
£ O  This work, 70°C i
@ -500 —q  [....... NRTL Model, 25°C 7
E - — — — - NRTL Model, 70°C .
o0 B ———— NRTL Model, 120°C )
= _-1000 .
= . |
S R
£ - )
s -1500 N -
= . ]
w2 - ~ e B
5 L Lol et i
< -2000 o —
= - -
_2500 i 1 L 1 | L L 1 | 1 1 L | 1 ] 1 l L1 i ]

0.00 0.20 0.40 0.60 0.80 1.00

Mole Fraction Diethanolamine

Figure 3.3. Heat of mixing of pure DEA into 0.1 mol/L NaOH. Curves predicted
by NRTL regression of total pressure, freezing point and heat of

mixing data.

Kim et al. (1987) have measured the slopes of the heat of mixing curves
for MEA, MDEA and DEA at zero amine concentration and 25°C. These slopes
along with their confidence limits are compared in Table 3.2. All of the slopes

from figures 3.1 to 3.3 compare favorably with those of Kim.
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Table 3.2. Comparison of heat of mixing at infinite dilution

This work Kim et al., 1987 This work
AH_ @25°Cc  AH_ @2°C  AH_ @70°C
Alkanolamine MM (U/EIEOD (li/ggoll
Monoethanolamine -12.6140.12 -11.4340.09 -11.8240.82
(Touhara, 1982)
Diethanolamine -14.1640.77 -14.50+0.06 -13.01%2.07
Triethanolamine - -14.38+0.08 —_—
Diisopropanolamine — -4540.14 —_—
Methyldiethanolamine -19.16+1.44 -20.5+0.2 -14.40+1.88

3.3.5 BYU Heat of Mixing Data

Researchers at Brigham Young University (Sue Gillespie and John
Oscarson) have also measured heats of mixing of amines with water. However,
their data is for amines already diluted with water. For example, they measured
the heat of mixing of 50 wt% MDEA with pure water. Unfortunately, these
experiments are not directly related to excess enthalpy, making them slightly
more difficult to use. Also, at the time of writing, this data was not published in
any public journal. Although their data seemed to corroborate our own, a

comparison will not be made herein because their data is not publicly available.

3.4 OTHER REQUIRED INFORMATION

3.4.1 Antoine equations

Antoine equations for water, monoethanolamine and diethanolamine were
obtained from the DIPPR data banks (Daubert, 1985) and are given in Table 3.3.

The Antoine equations are given with pressure in Pascals and temperature in
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Kelvin. The equation for water was found to be accurate within 0.5 mmHg
throughout the whole temperature range utilized here as compared to literature
tables (Perry, 1984). No plot is given for water because the data sets available are
too numerous. A plot of the MEA and DEA vapor pressure curves compared to
experimental data are shown in figures 3.4 and 3.5, respectively. The Antoine
equation for MDEA is derived from data by Dow Chemical and Union Carbide
and is shown compared to data from Daubert (1990) in figure 3.6. The
temperature ranges indicate at which temperatures data exist and shows that DEA

and MDEA pressures are extrapolated at absorber conditions.

Table 3.3 Pure component Antoine equations with pressure in Pascals and
temperature in Kelvin.

HO : In Pglzo =72.55-7206.7/ T - 7.1385 * In T + 4.046E-6*T2 : 273-650 K
MEA lnP;IEA =172.78 - 13492/ T -21.914 * In T + 1.3779E-5*T2 :283-452 K
DEA : I PODEA =286.01 - 20360 / T - 40.422 * In(T) + 3.2378e-2*T :323-473K
MDEA : In PngA =26.13691 - 7588.516 / T :413-513K
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Figure 3.4 Vapor pressure of pure monoethanolamine in Pascals as a function of

temErature.
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DEA Vapor Pressure, Pascal
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Figure 3.5 Vapor pressure of pure diethanolamine in Pascals as a function of

tem per ature.
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Figure 3.6 Vapor pressure of pure methyldiethanolamine in Pascals as a function
of temperature.

3.5 REGRESSION RESULTS

The Data Regression System™ of Aspen Plus™ was used to regress the
data to the NRTL model. Aspen performs a non-linear optimization by varying

the parameters to minimize Q in the following objective function.

S(ZE ), oo

The objective function is summed over all i variables (Z) for each j data point and

all k data sets. The standard deviations serve to equally weigh the variables so
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that, for example, pressure in Pascals is not more important than composition in

mole fractions.
3.5.1 MEA-H,0

To demonstrate the benefit of heat of mixing data on alkanolamine
modeling we have performed five regression cases. The data sets used in these
regression cases for MEA-H2O are given in Table 3.4 and the resulting
parameters are given in Table 3.5. For all cases, o. was constant at 0.2 and the
standard deviations for the minor variables were set to zero so that they would not
be fit by Aspen. The first case is a regression of only total pressure data (Nath
and Bender, 1983; Touhara et al., 1982). We obtained four NRTL parameters in
contrast to the identical regression by Austgen (1989) which set two parameters to
zero. The second case uses the above total pressure data and adds the freezing
point regression data from Chang et al. (1993). Case three regresses the above
total pressure, freezing point and heat of mixing data. Case four adds the Texaco
in-house total pressure and vapor-liquid equilibrium data to the regression. The
parameters for case four are considered the best set for complete modeling of

n.n

monoethanolamine-water systems. Even though the "a" parameters are near zero

they are still important to the model. To demonstrate this, both "a" parameters
were set to zero and only the "b" parameters were regressed (this is case five) on
the same data set as in case four. Even though some pressure data are actually fit
a little better, the temperature dependence breaks down and the sum of squares

error is twice that of case four.
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The first benefit of using the heat of mixing data is the dramatic decrease
in parameter standard deviations. For example, the by,0-MEA parameter standard
deviation decreases from 2421 to 579 as freezing point depression is added. It
then decreases to 34 when heat of mixing and VLE data are added. All of the
parameter standard deviations decrease approximately 98% when going from case
one to case four. When the parameters are known with more confidence the

chances of being at a local minimum, which is not the best global answer, are

reduced.
Table 3.4. Experimental data used for regression of the binary amine-water
systems
Amine Data type Pressure | Amine Conc. | Temp. range | Reference/source
kPa range
MEA Total Pressure | 1.3-75 0-093 60,78,91.7 | Nath, 1983
Total Pressure | 0.065-5.5 | 0.03-0.89 25,35 Touhara, 1982
Total Pressure | 6.8-88.5 {0.27-0.81 55-140 | Texaco, 1989
Freezing point | n/a 0.004-0.14 0to-20 Chang, 1993
Heat of mixing | n/a 0.006 - 098 25 Touhara, 1982
Heat of mixing | n/a 0.15-0.67 25,70 This work
VLE 6.6 - 69 0.23-0.96 44 -95 Texaco, 1989
MDEA Total Pressure | 20 - 100 0.05-0.78 60-160 | Texaco, 1989
Total Pressure | 1.4-41 0-50 wt% 20,40,60,80 | GRI - Sandall
Total Pressure | 6.9-540 | 0.02, 0.0447 45-156 | Kuwairi, 1983
Freezing point | n/a 0.0-0.09 Oto-13 Chang, 1993
Heat of mixing | n/a 0-10 25,70 This report
DEA Total Pressure |{6.9-100 |0.2-0.8 40-180 | Texaco, 1989
Freezing point | n/a 0.005 - 0.08 Oto-l11 Chang, 1993
Heat of mixing | n/a 0-10 25,70 This report
Total Pressure | 100 - 1900 | 0 - 30 wt% 100 -210 | Kennard, 1984 *
Total Pressure | 1.4-48 0-30 wt% 20,40,60,80 | Sandall, 1993 *
Total Pressure | 1.4-100 | 40,60,80,90, 40-120 | Dow, 1988 *
92,96,98
wt%
___________—_______________———L—————————-——J——————————————-——-

* This data set was not used to regress the binary NRTL DEA-H2O parameters.
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Table 3.5. NRTL parameter results for all MEA-H3O regression cases

Data Included TP TPFP TPEFPHmix TPFPHmixVLE b's only
Total Pressure X X X X X
Freezing Point X X X X
AHmix X X X
VLE X X
Parameters (Best case)
a HhO-MEA -1.767 -7.333 1215 1.194 0.000
std-dev 7.607 1.948 0.125 0.122 0.000
bH7O-MEA 1502.4 31155 823.5 879.3 12724
std-dev 24213 579.5 376 333 9.16
aMEA-H70 0.174 3.157 0.100 -0.035 0.000
std-dev 2782 0.886 0.079 0.064 0.000
b MEA-H0 -810.0 -1698.3 -870.4 -859.0 -9124
std-dev 871.4 258.6 11.9 10.6 1.59

Table 3.6 provides a condensed, quantitative measure of the fit using the
average absolute percent deviation. This aids in comparing the data fits by the
respective modeling cases. It shows that for case four the pressure data is fit
approximately as well as in case one, but with a better fit of the heat of mixing
data. Even though the pressure data covers a reasonable range of temperatures, its
regression does not provide the correct temperature dependence. Table 3.6 also
compares the predicted slope of the heat of mixing curves at zero mole fraction
MEA and 25°C for the first four cases. Notice that case one does not predict the
proper excess enthalpy as measured by Touhara et al. (1982). The freezing point
data improves the prediction, but the regressions containing the Touhara data are
closest to predicting the proper behavior. Proper excess enthalpy predictions are
important for liquid mixture enthalpy calculations and temperature extrapolations

of the model.
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Addition of the heat of mixing data also decreases the correlation

coefficients between the parameters (Table 3.7). The covariance of by,0-MEA
with amMEA-H,0 decreased from 0.97 to 0.003. Correlations for all of the
parameter pairs are shown to decrease significantly, therefore every parameter is
less dependent on the values of the other parameters and takes on more

significance of its own.

Table 3.6. Comparison of data fits for different regression cases for the MEA-

water system

Regression cases
Data set Variable |[Tot. |TP TP FP | TPEP |Db's

Pres |FP Hmix | Hmix {only

VLE

average absolute percent deviation
Nath 60°C P ot 5.52 16.74 [692 |576 |5.50
Nath 78°C P tot 466 |4.79 |8.22 ]6.25 |4.67
Nath 91.7°C P 1ot 3.86 [3.30 |9.59 (7.20 |[4.53
Touhara 25°C P tot 7.65 |6.28 |7.13 |6.51 545
Touhara 35°C P tot 7.00 |6.52 |6.58 |599 |4.69
Beckmann ¥ 0.213}0.195 |0.206 |0.258
Osmometer y 0.04710.030 |0.028 |0.042
Hmix 25°C "1 AHmix 2.60 {243 |2.73
Hmix 70°C AHmix 1.89 |2.11 |6.68
Texaco TP P tot 10.86 |7.25
Texaco VLE YMEA 14.38 | 11.03
NRTL Model AR” | 342 [ 94T 1236 -12.76
Prediction, 25°C ex

(kJ/gmol)

* Touhara et al. (1982) gives AH, =-12.5 ki/gmol at 25°C.

49



Table 3.7. Parameter correlation coefficient matrix for four regression cases

Parameter aH,O-MEA bH>0-MEA aMEA-H,0

b H,O-MEA -0.997 1. Total Pressure Only
-0.993 2. Tot. Pres. + Frz. Pt.
-0.680 3. TP + FP + Hmix
-0.765 4. TP FP Hmix VLE

a MEA-H,O -0.979 0.966
-0.986 0.973
-0.565 -0.186
-0.619 0.003

b MEA-H,0O 0.984 -0.977 -0.997
0.987 -0.988 -0.993
0.853 -0.234 -0.904
0.875 -0.395 -0.911

Since we have determined case four to be the best set of parameters for the
MEA-H;0 system, we only show the detailed data fits for this case. Figure 3.7
compares the total pressure data from Touhara et al. (1982) and Nath and Bender
(1983) to the NRTL model predictions. The model fit is relatively close, but
tends to overpredict the data due to the influence of the other data sets in the
regression. Figure 3.8 shows that the freezing point data was fit quite well.
Chang et al. (1993) measured freezing points by two different methods,
Beckmann and osmometry, which reflects the two different data sets. Figure 3.9
shows that the model overpredicts the in-house total pressure of Texaco Chemical
by as much as 20% and underpredicts gas phase MEA mole fractions by as much
as 30% with a wide scatter. Of course, since this experimental data is not publicly

available its accuracy has not been confirmed through a peer review process.
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Figure 3.7. Total vapor pressure of MEA-H>0 solutions. Curves predicted by the
combined regression of total pressure, freezing point, heat of mixing

and vanr-hguld egulhbnum data.

51



1 01 | 3 ¥ T —l ] L R3 1 [ T ) L T ]

- 1.00 : ,,,,,, _:
=i L ]
2 C ]
3] o 3
o 0.99 [ B
@ - ]
Q N ]
© 098 F k
= N ]
2 ok :
< 097 [ 7]
< - ;
S 096 | -
; - O  Chang (1993) - Beckmann method O -
0.95 - A Chang (1993) - Osmometer method A

- NRTL Model Fit ]

0.94 C S R 1 L | S -1 L ' ] ] . ol ] B

0.00 0.05 0.10 0.15

Mole Fraction Monoethanolamine

Figure 3.8. Experimental freezing point data given as water activity coefficient
for MEA-H>O with the NRTL model fit from the combined
regression of total pressure, freezing point, heat of mixing and vapor-

liguid eguilibrium data.

52



1.20 L. CF) | L T T 7 T T T IU T T T T
) o o o) ]
= O O .
) - © O o g
= R |
g L0 ¢ o o© o) o ]
] L J
> L J
-] - 0] O 0] J
S 1.00 f—e—0CL
= - 4
g L. .
S % A :
- 090 - A _
= [ A ]
% A 7
% 0.80 & o A O  Texaco Pressure, P {1
S L A
= A &  TexacoVLE, Y, ’
A |
0.70 AL ] L 1 L J A Lt J A IR J ] 1 ]

0.00 0.20 0.40 0.60 0.80 1.00
Mole Fraction Monoethanolamine

Figure 3.9. Ratio of predicted and measured total pressure data and vapor mole
fraction monoethanolamine measured by Texaco Chemical in-house
as predicted from a regression of total pressure, freezing point, heat

of mixing and vapor-liquid equilibrium data.

53



100 T 77T T T T T T 1 ]
0.90 F | —&— TPFPHmixXVLE 3

€ [ |—0O— Total Pres. Only ]
2 080 L [---o--Tot Pres & Frz. Pt. <
& ]
8 N N
o 070 -
2 F :
E 0.60 - =
S - BE
< 050 F 00 g Y TTTTTTOeeell ]
S 040 B~ 5. .
0.30 £ :

- 20 wt% Monoethanolamine in water -

0’20 cC . i ot 1 o ¢ » t o 31 0 .0 b e 1o .y

10 20 30 40 50 60 70 80 90 100 110 120

Temperature, °C

Figure 3.10. Model predictions for three different regression cases of
monoethanolamine activity coefficients in 20 wt% aqueous solution
between 10°C and 120°C.

A final analysis confirms that a model using heat of mixing data is quite
different from one that does not. Figure 3.10 shows the predictions of MEA
activity coefficient in a 20 wt% aqueous MEA solution over a range of
temperatures for three of the regression cases. Interestingly, all three models
predict the same at about 50°C, however the difference at 120°C is significant.
Whether or not heat of mixing data is used in the regression of the NRTL
parameters can make a 50% difference in the prediction of amine vapor pressure,

and therefore amine losses, at 120°C. Even for predictions of acid gas vapor-
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liquid equilibrium the value of the amine activity coefficient is important due to
its presence in the equilibrium constant. Chang (1992) showed that at infinite
dilution the amine-water parameters affect acid gas equilibrium predictions.
Therefore, the prediction of H2S VLE at 120°C and low loadings could be as
much as 50% different based on the different predictions of amine activity

coefficients.
3.5.2 MDEA-H,0

Modeling of MDEA-H;O has been improved by use of freezing point and
heat of mixing data. Since the benefits of using the above data has already been
discussed for MEA-water, only the final results are given for the MDEA and DEA
systems. Table 3.4 lists the data sets upon which the parameters are regressed.
Using only the Texaco data, Austgen (1989) was not able to determine the b
parameters. By using the Texaco total pressure and freezing point data, Chang et
al. (1993) were able to determine all four NRTL parameters, but the standard
deviations on their parameters were larger than the values reported below in Table
3.8. Table 3.9 gives the parameter correlation matrix which shows reduced, but
still high correlation between the parameters. The relatively high standard
deviation of the parameters are due to the high correlation and not from a "lack of

fit" of the model.
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Table 3.8. NRTL parameters for MDEA and DEA with a=0.2

Parameter Value Std. Deviation
A H20-MDEA 9473 0531

B H2O-MDEA -1902.4 196.1

A MDEA-H20 -2.173 0.193

B MDEA-H20 -147.4 778

A H,70-DEA 4172 0471
B H>0-DEA 175.1 133.7

A DEA-H20 -1.579 0.091

B DEA-H70 -546.4 257

Table 3.9. MDEA-H;0 parameter correlation matrix

AH2O-MDEA BH0O-MDEA A MDEA-H>0 B MDEA-H20

AH70-MDEA
B H)O-MDEA
A MDEA-H20
B MDEA-H>0

The nonrandomness parameter, ¢, was also set constant to 0.2 for the
MDEA-water system. For the three data sets used the predicted to measured ratio
of the total soluﬁon pressure is plotted against temperature in figure 3.11. Most of
the Texaco total pressure data was fit within £5%. The Sandall (1993) data has a
stated fixed pressure error of £0.03 psi which explains why the data has a higher
percent error at low temperatures. The fact that this data is evenly distributed
around one and predicts the 60°C and 80°C within 2% confirms that the model is
consistent with the Sandall data. The heat of mixing data at 25°C was fit well and

the 70°C data fit sufficiently considering that there were only five data points to

1.000

-0.953 1.000

-0.860 0.958

0.788 -0.930

force the fit (see figure 3.2).

1.000
-0.983
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Figure 3.11. Ratio of predicted and measured total solution vapor pressure versus
temperature for the three listed data sets from the NRTL regression

for the MDEA-H>O system.

The offset fit of the two different methods of freezing point

determinations, figure 3.12, suggests that the model has balanced different

temperature dependencies imposed by different data sets. Figures 3.13 and 3.14

give the predictions of the model for the binary MDEA-H>0 system at 40°C,

70°C and 120°C, for activity coefficients and excess Gibbs energy, respectively.

Figure 3.13 illustrates that at industrial conditions, the amine activity coefficient

changes significantly with temperature. Although this does not significantly

affect solution total pressure, YMDEA is an important part of several acid gas
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equilibrium equations and therefore is very important to acid gas vapor-liquid

equilibrium predictions. Figure 3.2 demonstrates that for heat of mixing data to

be useful for amine-water modeling, it needs to be collected over the full mole

fraction range and not just at industrial conditions. Some equilibrium models

assume that MDEA activity coefficient goes to 1 as its concentration goes to zero.

Figure 3.15 gives the activity coefficient of MDEA by this asymmetric

convention. Note the strong temperature dependence of the activity coefficient at

industrial compositions.
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Figure 3.12. Experimental freezing point data for the MDEA-H 0 system, given
as water activity coefficient, is shown compared to its prediction

from the NRTL regl'ession.
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Figure 3.15. NRTL model prediction of MDEA activity coefficients at 40°C,
70°C and 120°C by the asymmetric convention.

Another total pressure data set (Xu et al., 1991) was found after we had
completed the above regression. Therefore, we have used the model parameters
to predict the total pressure data at the same MDEA concentrations and
temperatures. Figure 3.16 shows that our model fits this unregressed data within

experimental error.
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Figure 3.16 Comparison of model predictions to experimentally measured
solution total pressure data for the MDEA-H>O system at various

temperatures and MDEA concentrations.

3.5.3 DEA-H,0O

For DEA-H,O we chose to regress only the Texaco total pressure data
with freezing point and heat of mixing data. However, with the parameters
obtained we have predicted the remaining three total pressure data sets given in
Table 3.4. The Kennard and Sandall data were excluded because they are not at a
high enough mole fraction to deviate significantly from Raoult's law. The Dow
data was not included because it was read from a graph and the high mole

fraction, high temperature pressure data is significantly higher than the Texaco
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data. Table 3.8 gives the resulting parameters and Table 3.10 gives the parameter

correlation matrix.

Table 3.10. DEA-H,O parameter correlation matrix

AH,O-DEA __BH)O-DEA _ ADEA-H20 _ BDEAH0

AH,0-DEA | 1.000

BH,O-DEA  |-0950 1.000
ADEA-H.0 |-0861 0.755 1.000
BDEA-HO | 0.898 0915 -0.885 1.000

Figure 3.17 shows the fit of the Texaco data. The temperature dependence
of the data differs from the temperature dependence imposed by the heat of
mixing data which caused a consistent overprediction of the Texaco data. Figure
3.18 shows the predicted fits of the remaining data sets. The Sandall data is
predicted within 10% except for a few outliers and the Kennard data is fit within
approximately 10%. The Dow data is underpredicted by as much as 20% at high
mole fractions due to its inconsistency with the Texaco data . The freezing point

data is fit well as shown in figure 3.19.
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the NRTL regession.

Figures 3.20 and 3.21 illustrate the predictions of the model for the binary
DEA-H0 system at 40°C, 70°C and 120°C for activity coefficients and excess
Gibbs energy, respectively. Figure 3.22 gives the activity coefficient of DEA by
the asymmetric convention. Note the moderate temperature dependence of the

activity coefficient at industrial compositions.
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Figure 3.21. NRTL model predictions of excess Gibbs energy for DEA-H70
mixtures at 40°C, 70°C and 120°C.
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Figure 3.22. NRTL model predictions of DEA activity coefficient at 40°C, 70°C
and 120°C by the asymmetric convention.

3.5.4 MDEA-DEA-H;0

The Sandall (1993) data is the only set we have for total pressure of mixed
amines. Figure 3.23 shows the prediction of this data using the previously found
binary parameters from Table 3.8. and setting the MDEA-DEA parameters to
zero. Notice that the 20°C and 40°C data are overpredicted just as occurred for
the DEA-H70 system. A regression of this data set using the MDEA-DEA
parameters did not improve the predictions enough to warrant inclusion of these

parameters to the model. This finding is reasonable since we did not expect any
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significant interactions of MDEA with DEA. In general, with adequate binary
amine-water parameters the behavior of aminel-amine2-water systems can be

well predicted with the aminel-amine2 parameters set to zero.
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Figure 3.23. Predicted divided by measured solution total vapor pressure of 50
wt% total amine concentration in water with DEA/MDEA molar
ratios of 1/20, 1/4, 1/2 and 2/3. This data was predicted from binary

parameters with the MDEA-DEA parameters set to zero.

3.5.5 Infinitely Dilute Amine Activity Coefficient

Equilibrium constants are usually given in the literature with the
convention that all activity coefficients go to one as the concentration goes to

zero. To convert to the symmetric convention for activity coefficients, the
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infinitely dilute amine activity coefficient is needed. Using the NRTL model
parameters, we calculated the infinitely dilute amine activity coefficients and
converted them into the common temperature dependent form used for

equilibrium constants in Table 3.11.

Table 3.11. Equations for infinitely dilute amine activity coefficients

A B C__ D
MEA 147.7 6295 375 0.0255
DEA 58.45 -3505 9.03 9.37+10-3
MDEA 9.30 -2394 0.50 5.00%10

In Y:nine = A + B/T + C*In(T) + D*T

3.6 CONCLUSIONS

Accurate measurements for the heat of mixing of pure amines into 0.IN
NaOH for MDEA, DEA and MEA have been made. The magnitude of the heat of
mixing is significant for all three amines. The change in the heat of mixing with
temperature is greatest for MDEA and MEA with the DEA heat of mixing
changing only slightly from 25°C to 70°C. Therefore, temperature extrapolations
of amine-water behavior without the use of heat of mixing data can lead to serious
errors. Extrapolations beyond the range of the heat of mixing data will be most
accurate for DEA due to its consistent temperature dependence and would be least
accurate for MDEA, but the extrapolations are much better than if this data was
not utilized at all.

The conclusion to be drawn on total pressure data is that there is not
enough data available in the open literature. More data is needed for MDEA and

DEA at all temperatures with an emphasis on high accuracy at high amine mole
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fractions where modeling is the most sensitive. Some of the data regressed in this
work was not intended to be used for amine-water modeling. The accuracy of the
freezing point data and heat of mixing data is sufficient for amine water modeling,
but it would be useful to have heat of mixing data at more temperatures.

An analysis has been made on the effect of different types of data on the
ability of the Nonrandom Two-Liquid model to make accurate predictions. It has
been shown that simply having total pressure data over the temperature range of
interest will not produce the proper temperature dependence of the system over
that same range. In addition, temperature extrapolation of a model based only
upon total pressure data can lead to serious errors. Having accurate amine activity
coefficients is important for the estimation of amine losses from absorber
columns.

By using other types of data such as freezing point depression and heat of
mixing data, excess Gibbs energy activity coefficient models that contain
temperature dependence can be significantly improved. The fit of the data will be
just as good, the model parameters will be known with more confidence, and the

temperature dependence of the model will be improved.
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Chapter 4: Simple Vapor-Liquid Equilibrium Model

Any equilibrium model for alkanolamine-acid gas systems will have to be
based, at least in part, on vapor-liquid equilibria (VLE) data. Collection of
accurate VLE data, especially at low loading, is not a trivial task. It requires
vapor concentration measurements in the ppm range and liquid analyses of
dissolved gases which can easily escape the system. Given the above, it is easy
for two experimenters to reach different results. Literature data has been collected
over various ranges of temperature, amine concentration and acid gas loading
leaving no possibility for direct comparisons between data sources. In order to
determine which data sets agree and which data sets or points are far from the
norm, a simple model was constructed. This model allows a two-dimensional
preview of the data sets with a minimal expenditure of computation time. Based
on this work we were able to discard a few data sets that were far from the norm.

Although the model was created for comparing data sets, it is quite
accurate and ideal for quick calculations. The model form is based on solution
thermodynamic theory, but is a direct expression which does not require the
solution of a set of equations. The model form can easily be entered into a
handheld calculator or spreadsheet program. This model is useful for laboratory
calculations, rough design calculations, and estimates of acid gas partial pressures

in the field.

73



4.1 MODEL DEVELOPMENT

The reaction of acid gases with alkanolamines can frequently be

approximated by a single equilibrium expression, equation 4.1 or 4.2.
AmineH* + HCO; ¢ Amine + COz(ag) + H20 4.1)

AmineH* + HS- < Amine + HjS (aq) 4.2)
These two expressions neglect the presence of carbamate, carbonate (CO?),
sulfide (S=), and hydroxide (OH-) ions since their concentrations will be small.
DEA is known to react directly with CO, to form carbamate species. Therefore,
there are actually two important equilibria in the DEA-CO; system. To keep the
model simple, the single equilibria in equation 4.1 is also assumed for the DEA-
CO3 system. The validity of this assumption is addressed later.

From equation 4.1, the equilibrium constant can be written as follows with
concentrations in mole fractions. Activity coefficients are assumed equal to one
and the water term is omitted since its concentration does not vary significantly
over the range of practical conditions.

Koo, = (CO7 (aq) ) (Amine)
2 (HCO}) (AmineH*)

4.3)

Rearranging, we obtain equation 4.4. Notice that the direction equations 4.1 and

4.2 are written makes K 'gas a desorption equilibrium constant.

. (HCO;) (AmineH*)
(CO2 (a9)) = K'00,— Ammimg) 4

The (Amine) and (AmineH+) terms can be approximated on a basis of total

loading, L, as follows.
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(Amine) = (1L X, o “5)
(AmineH*) = LD) X, 46

amine

o
Where X . . is the amine mole fraction concentration neglecting the presence of

the acid gases. Equation 4.7 can be formed by combining 4.4, 4.5 and 4.6.

(CO2 (ag)) =K 0o, (HCOy) s @7
Henry's Law can be expressed as:
P
(CO3 (aq)) = 222 @8)

Hco,
Substituting equation 4.8 into equation 4.7, we obtain equation 4.9.
: - Lt
sz =K Q04 Hmz (HCO3) m 4.9

We then combine K'oo2 and Hcp, into a single constant, Kao,. We assume that

the bicarbonate mole fraction, (HCO’3), accounts for all forms of the absorbed

CO; and replace its symbol with Xco, to get the simple model form given in
equation 4.10.

Poo, = Kco, X00, (s @.10)

The equilibrium constant, Kco,, in equation 4.10 is a function of

temperature, acid gas loading and amine concentration as given below in equation

4.11.
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B o -]
nKeo,= A+F +CLTX .. +D(LTXamme)°5 @4.11)
Where:
Pcp, =Acidgas partial pressure, kPa

Xco, = Acid gas liquid mole fraction = Amine +H§842-H28+C02

Kooz = Equilibrium constant for CO7, kPa, defined above
_ . mole HsS + mole COy

Lt = Total Loading = role Amine

T = Temperature, Kelvin

° . . Amine
amine  — 825 free amine mole fraction = +— e+ 15,0

Coefficients A and B in equation 4.11 represent the standard temperature
dependence for reaction equilibrium constants. The total loading terms in
equation 4.11 approximate an ionic strength dependence suggested by Astarita et
al. (1983). The 1-LT term serves to account for the reduced gas absorption
capacity of the solution as the loading increases. This is the term where mixed
acid gas systems are taken into account. For example, as H3S loading increases,
Lt increases which would in turn increase the COj partial pressure. The mole
fraction of the acid gas, Xgas, accounts for the specific acid gas loading and the
amine concentration. |

Derivation of the H,S system is identical and H3S predictions are made by
replacing the CO subscripts in equations 4.10 and 4.11 with HS subscripts.
Table 4.1 gives the regressed parameters for CO; and H3S to be used with

equations 4.10 and 4.11.
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Table 4.1. Regressed parameters for the acid gas equilibrium constants

A B___ C_ D
MDEA-H,S | 2497 £0.64 | 5554%207 | -168%70 | -18%2.1
MDEA-CO; | 3245 %043 | -7440 ¥ 146 3ES 185 1.6

DEA-H,S | 21541092 | 4452%314 | 1184E112 | 8.25£36
DEA-CO; | 23.18%0.7 | -5267£210 | 0.17£11.6 | -1.55£3.95

*LnKgas =A+BT+CLT X o +D LT Xy )05

4.2 DATA REGRESSION METHOD
Experimental values of the equilibrium constants, Ky,s and Kco,, were

calculated for each experimental data point from equation 4.12.

PO gexp. (1-Lp) ) 4.12)

In (KCO2 exp.) = In ( XCOZ Lt

The natural logarithm of the equilibrium constant was then fit by linear

regression using equation 4.11. By fitting the parameters to In Kco,, rather than

to Pco,, we avoid the problem of having high pressure data weighted more

heavily than low pressure data. The four parameters for each acid gas were
regressed separately using equilibrium data for the specific acid gas, including
mixed acid gas data. The resulting parameters and 95% univariate confidence
intervals for the regressions are given in Table 4.1. The parameters are more
accurate than implied by the confidence intervals because of the correlation
between them. The parameters have already been rounded off to an acceptable
accuracy level and additional rounding will introduce error into the model

predictions.
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4.3 MDEA-HS

For the MDEA-H,S regression no data points were omitted, but three
known data sets were not included in the regression. The 191 data points that
were regressed were fit with an average absolute percent error in H3S partial
pressure of 22%. Figure 4.1 compares the experimental to calculated H5S partial
pressure for the MDEA-H3S system. Only Jou et al. (1993b) contains mixed acid
gas data and it has the greatest scatter at higher loadings. Overall, the data is fit
reasonably well and the model goes through the middle of the data.

The resulting simple equilibrium model is valid for MDEA concentration
between 35 and 50 wt%, temperature from 25°C to 120°C and total acid gas
loading between 0.003 and 0.8. The mathematical form of the model breaks
down as total loading approaches one and should not be used with a total acid gas

loading above 0.8.
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Figure 4.1. Comparative fit of experimental vapor-liquid equilibrium data to
model calculated values for the MDEA-H S system. The data
includes 25°C to 120°C, 35 wt% to 50 wt% MDEA, and 0.001 to 0.8

total acid gas Ioading.

Figure 4.2 compares H3S partial pressure predictions of this model with
Austgen et al. (1989). The two models generally agree down to a loading of 0.01.
Agreement below this point is not expected since the model presented here was
regressed on data above a loading of 0.003 and has no theoretical justification for
its predictions below this point. Predictions of HS partial pressure by Austgen et

al. (1989) below a loading of 0.01 are higher than predicted by this model.
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Figure 4.2. Comparison of model predicted H;S partial pressures for 50 wt%

MDEA solutions as a function of temperature and H,S loading.

Figure 4.3 compares the model predictions to three unregressed data sets.
The Li and Shen (1993) data was lower than the other data sets by as much as a
factor of ten. Their data also had a significantly different loading trend and will
not be included in the electrolyte-NRTL model. The Ho and Eguren (1988) data
was fit satisfactorily and was included in the final electrolyte-NRTL regressions.
The Huang and Ng (1995) data set was omitted from final regressions due to
strong positive deviations from the norm at H,S loadings less than 0.1.

The deviation of the Huang and Ng (1995) data at low loadings could be

due to absorption of CO, from the atmosphere. To investigate, we used the
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simple model to calculate the required CO3 loading to make the Huang and Ng
(1995) data match model predictions. Figure 4.4 illustrates the modified Huang
data and the required CO7 loadings for groups of data points. Huang and Ng
(1995) state that atmospheric CO, absorption from solution preparation is less
than 0.0002 moles CO/mole MDEA. Our experimental work confirms this
estimated value. So, if a CO; loading is the cause of the data discrepancy it
would have to be absorbed after solution preparation to obtain the loadings shown
in figure 4.4. Huang and Ng (1995) H>S data above a loading of 0.1 were fit well

and did not require any adjustments.
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Figure 4.3. Unregressed data predictions for the MDEA-H,S using the simple
semi-empirical model.
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Figure 4.4 Comparison of experimental HjS partial pressure data to the simple
model predictions. The CO3 loadings listed were applied to the

groups of data below them resulting in the diamond smbols.

4.4 MDEA-CO»

The MDEA-CO> parameters were determined by regression of 212 data
points. We excluded 23 outlying data points from the regression, approximately
10% of the total points, because the ratio of predicted and measured pressure was
greater than 2.0 or less than 0.5. The average absolute percent error in CO2
partial pressure was 20% for the MDEA-CO; model.

Figure 4.5 compares calculated and measured CO; partial pressure in the

MDEA system. Only the data sets from Ho and Eguren (1988) and Jou et al.
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(1993b) contain mixed gas equilibrium data. All of the data was fit within a

factor of two over several orders of magnitude in loading and pressure.
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Figure 4.5. Comparative fit of experimental vapor-liquid equilibrium data to
model calculated values for the MDEA-CO, system. The data
includes 25°C to 120°C, 35 wt% to 50 wt% MDEA, and 0.001 to 0.8

total acid gas loading.

Figure 4.6 illustrates CO partial pressure predictions by two models for a
50 wt% MDEA solution. The Austgen et al. (1989) model generally agrees with

this work over the entire range of loadings and temperatures.
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Figure 4.6. Comparison of model predicted CO3 partial pressures for 50 wt%
MDEA solutions as a function of temperature and CO; loading.

Figure 4.7 demonstrates the simple model predictions of unregressed data
for the MDEA-CO3 system. Data by Shen and Li (1992) is low by as much as
two orders of magnitude and again has a different loading trend than the other
data sets. Therefore, this data set will not be included in the final regressions of
the electrolyte-NRTL model. The Huang and Ng (1995) and Austgen (1989) data
compare well with the model predictions, although the model consistently
underpredicts them. The data by Mshewa (1995) and Chakravarty (1992) are
extracted from absorption experiments rather than from a VLE apparatus. Both of

these data sets also fall consistently higher than the model predictions.
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Figure 4.7. Unregressed data predictions for the MDEA-CO; system using the
simple semni-empirical model.

4.5 DEA-H>S

The regression of the DEA-H7S model included 349 data points, 48 of
which were mixed acid gas points from Lawson and Garst (1976). For this case,
no data points were omitted. The average absolute percent error in H»S partial
pressure was 60%. This increase, as compared to MDEA-H3S, is due to the wider
range of amine concentrations and temperatures in the DEA-H3S regression.
DEA data ranged from 5 to 55 wt% DEA, 25°C to 150°C and an H>S loading
from 0.001 to 0.8.

85



Figure 4.8 compares calculated and measured HjS partial pressure. The
model cuts through the middle of the scattered data and all of the data was fit
within a factor of three. Lal et al. (1985) data fell consistently below the model
predictions. The Huang and Ng (1995) data was again underpredicted at low H>S
loadings similar to the MDEA system.
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Figure 4.8. Comparative fit of experimental vapor-liquid equilibrium data to
model calculated values for the DEA-H5S system. The data includes
25°C to 150°C, 5 wt% to 55 wt% DEA, and 0.001 to 0.8 total acid

gas loading.

Figure 4.9 compares HjS partial pressure predictions by this work with
predictions from Austgen et al. (1989). The models generally agree at 40°C and
80°C above a loading of 0.01. At 120°C, this model predicts consistently lower
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pressures than Austgen over the entire loading range. Below 0.01, predictions by

this model are lower than those by Austgen et al. (1989).
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Figure 4.9. Comparison of model predicted HjS partial pressures for 30 wt%

DEA solutions as a function of temperature and HpS loading.

4.6 DEA-CO;

For the DEA-CO; system we allowed an even wider range of
experimental conditions. The model was regressed for DEA concentrations
between 2 and 55 wt%, temperatures from 0°C to 200°C, and acid gas loadings as
high as 0.8. This data set consisted of 411 data points, some of which were mixed
acid gas data. There were no data sets that were knowingly omitted from the

regression, therefore no “unregressed” figures for the DEA systems are provided.
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Figure 4.10 shows the fit of the DEA-CO, data. Recall that the model
neglects the presence of CO; and DEACOO- and assumes a single equilibria. It
is well known that in addition to the bicarbonate mechanism, DEA reacts directly
with CO; to form a carbamate species. Thus, there are two reactions occurring
between DEA and the CO; species. These violations of our basic assumptions,
the wide range of experimental conditions, and the inherent scatter in the data
explain the mediocre fit. However, most of the data is fit within a factor of 4 over

many orders of magnitude in pressure.
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Figure 4.10. Experimental divided by calculated CO? partial pressure as a
function of total acid gas loading. The data includes 0°C to 200°C,

2 wt% to 55 wt% DEA, and 0.0 to 0.8 total acid gas loading.
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Figure 4.11 demonstrates the difference in VLE predictions between this
simple model and Austgen et al. (1989). Austgen did not regress the Kennard and
Meisen (1984) data which is at higher temperatures than the rest of the data sets.
In hindsight, the two term temperature dependence of the simple model is too
limiting to fit the very large temperature range from 0°C to 200°C. The two
models compare well at 80°C, but the simple model greatly overpredicts at 40°C
and underpredicts at 120°C. Regression of a more limited data set below 120°C,
or adding another temperature parameter would improve the DEA-CO»

predictions.
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Figure 4.11. Comparison of model predicted CO; partial pressures for 30 wt%

DEA solutions as a function of temperature and CO> loading.
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4.7 HEAT OF ABSORPTION PREDICTIONS

An alternate method of verifying the model is to use it to calculate heat of
absorption. The parameter “B” in equation 4.11 is directly related to the heat of
absorption (AHzps) of CO7 and HS. From thermodynamics, Prausnitz et al.
(1986), we obtain the relationship between the temperature dependence of the

equilibrium constant and the heat of reaction given in equation 4.13.

dinK
s Aldes @.13)
it

We can take the derivative of equation 4.11 and equating it to equation 4.13 we
arrive at equation 4.14.
AHges =- BR 4.14)
In order to compare to literature values, we have written AH in terms of
absorption.
AHabs =BR (4.15)
The calculated values of heat of absorption are given in Table 4.2 and
correspond to the average experimental conditions of the data. The average
MDEA-CO3 data conditions are 38.4 wt% MDEA, 0.31 total acid gas loading and
a temperature of 56.8°C. For MDEA-H3S the averages are 38.8 wt% MDEA,
0.31 total acid gas loading and a temperature of 51.6°C. The average conditions
for DEA-H3S are 29.1 wt% DEA, 0.27 total acid gas loading and a temperature of
75.5°C. The average conditions for DEA-CO are 26.5 wt% DEA, 0.43 total acid

gas loading and a temperature of 94.4°C.
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DEA heats of absorption are known to generally be higher than for
MDEA. However, they are shown by our model to be lower than MDEA. This is
due to averaging of the heat of absorption over a wide range of temperature and
DEA concentration. Therefore, the numbers predicted by our model can only be
compared to values obtained at the same average experimental conditions.
Another reason for the low heat of absorption value calculated for DEA-CO; is
the large temperature range and the model requirement that heat of absorption be
constant.

Merkley et al. (1987) and Oscarson et al. (1989b, 1990, 1995) report
experimentally measured heats of absorption. These references provide simple
equations relating AHzps to temperature and amine concentration which were used
to calculate AH,ps at our average experimental data conditions. All of these
references exhibited as much as +10% scatter in their data. Jou et al. (1982, 1994)
and Lee et al. (1973) predict AHaps by modeling of experimental vapor-liquid
equilibrium data. The predictions of Jou et al. (1982) and Lee et al. (1973) had to
be interpolated to our average conditions. Table 4.2 shows that our predictions
compare reasonably well with the experimental data and other model predictions
considering the accuracy of the data and the error introduced in using average

experimental conditions.
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Table 4.2. Heat of Acid Gas Absorption

Heat of Absorption (kJ/gmol gas)

Author Conditions MDEA- | MDEA- | DEA- DEA-

GOz  |HgS 0, HaS
This model -61.9 -46.2 43.8 -37.0
Jouetal., 1982 ~38wt%, L1=0.3 576 -40.7
Jouetal., 1994 30wt%, LT=0.3 -60
Merkley et al., 1987 ~38wt%, L1=03 -53.4
Oscarson et al. 1990 | ~38wt%, L1=03 -36.5
Oscarson et al. 1989b | ~29wt%, 77°C -43.6
Leeetal., 1973 ~28wt%, L1=0.27 46
Qscarson et al. 1995 ~26wt%,L1=0.4,94°C -77

4.8 POSSIBLE MODEL IMPROVEMENTS

The temperature dependence of the model given in equation 4.11 is too
simplistic, especially for DEA. A third temperature term of the form T orin T
would greatly improve regressions over wide temperature ranges. Equation 4.11

could become one of the following equations:

InKao, = A+% +CT+DLTX:mine + E(@LT X:mle)"5 (4.16)

nKco,= A+2 +ClT+DLTX, . +E@rX, )05 @17

This would allow a much better fit of the DEA data which covered a temperature
range of 200°C. The model could also be modified in some way to be consistent
with the DEA-CO3 system. For DEA-CO>, two moles of amine are reacted for

every mole of CO7 absorbed at loadings below 0.5. The current model assumes
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one mole of amine reacts with one mole of acid gas. A final enhancement would

be the ability to calculate partial pressures in mixed alkanolamine systems.
4.9 CONCLUSIONS

A simple model has been developed for predicting the solubility of
hydrogen sulfide and carbon dioxide in aqueous alkanolamine solutions. The
model uses four parameters for each acid gas that are regressed from experimental
data. This model is valid over wide ranges of amine concentrations, temperatures,
and acid gas loadings and can be used for mixed acid gas systems. All of the data
regressed for the MDEA system, which includes mixed acid gas data, was
predicted with an average absolute percent deviation (AAPD) of 20% for CO; and
22% for HS over seven orders of magnitude in pressure. The DEA model
predicts the partial pressure data with an AAPD of 60% and 77% in H3S and
CO9, respectively, also over seven orders of magnitude.

From theory, we have related model parameters to the heat of absorption
of acid gases. The heat of absorption values calculated from the model are
consistent with experimental data and predictions by other models. We have also
shown that partial pressure predictions by this model agree with those of much
more complicated models over many orders of magnitude in pressure.

Although originally created as a tool for comparing data sets, the model
presented here is also useful for quick desktop calculations. It can be used for
checking the consistency of experimental data and as a good initial guess for more
complex equilibrium calculations. It represents an improvement over the Kent

and Eisenberg (1976) model in that it does not require the solution of a set of
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equations. Because of this simplicity, the current model can be easily
implemented in a spreadsheet program or entered into a handheld calculator. The
model! structure is general and can be applied to other simple alkanolamine

systems.
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Chapter 5: Electrolyte Nonrandom Two-Liquid Model

In this chapter all of the details of the electrolyte-NRTL model are given.
In that sense, this chapter serves to document the constants and equations used in
this work. The first section discusses the basic properties of the amines, ions and
water. Relationships that were used to calculate density, volume, heat capacity,
dielectric constant, etc. are provided and discussed. Antoine equations have been
previously discussed in section 3.4.1 of Chapter 3 and are not repeated here. In
addition, improvements and detailed analyses on the equilibrium and Henry’s
constants are given. Plots comparing experimental data to model equations are
given for Henry’s constants and equilibrium constants.

Discussions then turn to the structure of the electrolyte-NRTL model
itself. Each component of the model is discussed and additional equations and
properties are introduced as they become needed. The Redlich-Kwong-Soave
(Soave, 1972) model was used for vapor phase non-idealities. Details on its
model form and necessary parameters are also given. The activity coefficient
portion of the model contains three terms, a Debye-Hiickel term, Bom correction
for mixed solvents and the local interactions term. Equations for each are given
and details on parameters and their structure and determination are discussed. For
details that might not be covered here, the reader is referred to the dissertation by
Austgen (1989), the following papers: Chen et al. (1979, 1982), Chen and Evans
(1986) and Mock et al. (1986) and the Aspen Plus™ User Guide for Release 9
(1994).
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5.1 PHYSICAL PROPERTIES

5.1.1 Constant Properties

Before any calculations can be made the basic physical properties of the
important chemical species must be known. Table 5.1 was taken from Austgen
(1989) and represents the values of the basic properties that are used with Aspen
Plus™. The sources that Austgen referenced are restated in this table. The
critical constants are utilized in the vapor phase equation of state. Critical

volumes are used to obtain the molar volume, or density, of the solution.

Table 5.1. Pure component properties for molecular species

Comp. MW Te Pc Ve Zc ® Source
(CK)  &Pa) (m3kmol-)
H,S 3408 373.2 89369 0.0986 0.284 0.100 a
CO, 4401 3042 73765 0.0939 0.274 0.225 a
H,0 18.02 647.3 22090.0 0.0568 0.233 0.344 b
DEA 105.14 7150 32700 0.3490 0.192 1.046 b
MDEA 119.16 677.8 3876.1 0.3932 0.192 1.242 c

~-Rewd etal., (1977); b - Daubert and Danner, DIPPR Data Tables (1985); c - Peng (1987)

5.1.2 Heat capacity

Although heat capacity does not directly effect calculations of VLE, we
have taken the equation forms used in Aspen and recreated them here. Heat
capacities are very important in simulation of full scale plants since they are
needed to calculate solution temperatures and heat exchange. Since Aspen bases
its calculations of liquid heat capacity on the ideal gas heat capacity and the heat
of vaporization, accurate values of those variables are needed. Unfortunately,
little data exist for the ideal gas heat capacity of the amines due to their low vapor

pressures. Therefore, our calculations of heat capacity are slightly suspect.
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Wendell Kensell (1996) of The M.W. Kellogg Company was gracious
enough to compare our predictions to experimental data. Predictions from this
work generally agreed with data from Dow Chemical, but were significantly
lower than experimental data and curves from Union Carbide, EIf Atochem and
Weiland (1996). For example, in lean 40 wt% MDEA solutions our values were
0.8 compared to 0.87 cal/g°C. The difference is larger at high loadings with this
model predicting 0.67 compared to 0.79 and 0.83 cal/g°C. One explanation for
the difference is that this work’s predicted pure MDEA heat capacity is lower than
that given by the above references. This discrepancy then propagates into
prediction of heat capacity of 50 wt% MDEA aqueous solutions. The best
solution to this discrepancy would be to regress experimental data to the Aspen
equation forms, however that effort is not in the current scope.

Table 5.2 provides the coefficients for the ideal gas heat capacity

polynomial to be used with equation 5.1. All of the values listed were taken from

Austgen (1989).
*ig _ * *T2 *T3 *T4 o F*T5
Cp = A + B*T + C*T2 + D*T3 + E*¥*T* + F*T 5.1
Table 5.2 Coefficients for temperature dependence of the ideal gas heat capacity
polynomial model

Compound A B C D E F
MDEA 4917E4 5595E2 -3.134E-1 1.102E4 0 0
MDEAH*  0.208ES5 0 0 0 0 0
DEAH* 0.208ES 0 0 0 0 0
DEACOO-  0.208ES5 0 0 0 0 0
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Aspen data banks contain coefficients for the DIPPR ideal gas heat
capacity equation. Most of the compounds will use the DIPPR equation form
given as equation 5.2 below. The value for DEA was obtained from Austgen
(1989).

CoE=A+ B*(E.HTC(’TW)Z +D* (EB%’)—)Z 52)

Table 5.3 Coefficients for temperature dependence of the DIPPR ideal gas heat
capacity model

Compound A B C D E

DEA 6.89E4 4.568ES  1.85E2  8.092E-1 0

Of course there are many species that contribute to the overall solution
heat capacity. Determination of the solution heat capacity is also derived from the

excess heat capacity which is the derivative of the excess enthalpy.
5.1.3 Heat of Vaporization

Heat of vaporization for each chemical species is required in order to
calculate liquid ﬁeat capacities using the ideal gas heat capacities. Aspen provides
several model forms from which to choose. Austgen used both the Watson
equation form, equation 5.3, and DIPPR equation form, equation 5.4. If
parameters for both models are given for a compound, Aspen defaults to the

Watson equation.

1-T/T o; “ai+bi*(1-T/Tc)
Nbluap,i (D)= ABva i (00 * (T ] (53)
3
AHygp, i = A *(1-T ri)(13+c='frn.+D*='rfi+rs*frn.) (5.4)

where T =T/ T
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Table 5.4 Watson heat of vaporization model coefficients

Component AHygp (T1) Ty 3 b;

MDEA 6.18132E7 293.15 0.38 0

Table 5.5 DIPPR heat of vaporization model coefficients

Component A B C D E
DEA 1.034E8 3.33E-1 0 0 0
5.1.4 Dielectric constant

Dielectric constant is related to a compound’s ability to stabilize ions. The
higher the dielectric constant, the more likely it is that ions will form and remain
as jonic species. Dielectric constant for pure fluids is a function of temperature
only. Equations and the coefficients for this temperature dependence were taken
from Austgen (1989). The coefficients for the dielectric constant of water were

obtained from the Aspen data banks.

Table 5.6. Dielectric constants for DEA and MDEA as a function of temperature

DEA: D = 2801 + 9277.0 [1/T - 1/273.15]
MDEA: D = 24.76 + 8989.31 [I/T - 1/273.15]

Since we have a mixed solvent, the mixed dielectric constant must be
determined. Equation 5.5 below shows the concentration weighted calculation of
dielectric constant in a mixed solvent. Although a reasonable effort has been
made to obtain good values for the dielectric constant, sensitivity studies have

shown that variations in D do not significantly affect partial pressure predictions.
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sf
Dm = Y, D; 55)
1
where xgi is the solute free, solvent mass fraction

5.1.5 Density and molar volume

As stated in Chapter 2, densities of the solutions are often needed to
convert between the concentration units. For some experimental work and
calculations the density of a solution had to be determined. Most often, density
was experimentally measured using an accurate 250 pL syringe and an analytical
balance. However, relationships have been developed by other authors relating
density as a function of temperature, amine concentration and acid gas loading.
Licht and Weiland (1989) have regressed an empirical equation for solution
density as a function of amine concentration, temperature and acid gas loading.
Weiland et al. (1994) provided a relationship for the density of MDEA, MEA and
DEA as a function of amine concentration and CO> loading at 25°C.

In general, Aspen Plus™ does not use density relationships directly.
Instead, it calculates the molar volume and inverts the number when density is
required. The molar volume is calculated by the Brevli and O’Connel (1975)
model. It utilizes the critical properties of the solvent and the critical volume of
the Henry’s component. The molar volume of the supercritical components is

also required to calculate the pressure correction to the Henry’s constant.
5.2 HENRY’S CONSTANT

Henry’s Law constants are an important part of any equilibrium model.

Without accurate constants VLE can still be predicted, however there will be error
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introduced into the activity coefficients and speciation of the model. Aspen uses a
volume weighted mixing rule for calculating Henry’s solubility in a mixed
solvent. Equations 5.6 and 5.7 demonstrate how the volume weighting is applied.
If a Henry’s constant for one of the solvents is not given, then w 4 is renormalized
and Hj is recalculated. For our calculations, Henry’s solubility of the acid gases
in pure alkanolamines was not provided as this data does not exist. Therefore, the

constants a, b, ¢ and d in equation 5.9 are given for the Henry’s components in

water only.
in (/) = D wa*tn (Hia/v3) 56)
A
23
>, %8 (Vcp)23
B
* 1 o
Hia = HiA eXp| BT JViA dp 5.8)
Pa
InH,, =ajs +bia /T+cia T +dig T (5.9)

with H; in (Pa / mole fraction) and T in Kelvin.

5.2.1 Henry’s Constant Regression

We have compiled data on the Henry’s Constant for CO3 and H3S. For all
data sets and equations we have assumed the following definition for solubility, S.
At low partial pressures, the fugacity equals the partial pressure and solubility, S,
is identical to Henry’s Constant, H. Fugacity corrections to the partial pressure
are generally not needed as long as the pressure remains below approximately 20

atmospheres.
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S gas = Pgas / X gas (5.12)
where Pgas is the acid gas partial pressure, Pascals

Xgas is the liquid phase molecular acid gas mole fraction.

Henry’s Law constants are strong functions of temperature and weak
functions of pressure. Pressure dependence of this constant is partially due to gas
phase non-idealities, fugacity, and interaction effects in solution that are pressure
dependent. We have assumed S as being independent of pressure as stated above.
This assumption is valid for acid gas partial pressures below 20 atm.

Solubility data from five literature sources are shown in figure 5.1. The
Lee and Mather (1977) tabular data were derived from total pressure of the system
instead of HpS partial pressure, so the Raoult’s Law partial pressure of water was
subtracted from all of the data. We have omitted Lee and Mather (1977) data
above 20 atm to prevent non-ideal effects on Henry’s Constant. The vertical
scatter at each temperature in their data indicate that not all of the effects are
removed at pressures below 20 atm.

Most of the data in figure 5.1 agree well at low temperatures. However,
near 120°C the Lee and Mather (1977) data are higher than measured by Selleck
et al. (1952) and Kozintseva (1965). The curve given in the dissertation by
Austgen (1989) is compared to the curve proposed by Lee and Mather (1977).
Both agree at temperatures below 100°C, but the Lee and Mather curve predicts a
slightly higher H>S Henry’s constant from 100°C to 180°C. The Lee and Mather

curve was used in this work and its coefficients are given in Table 5.7.
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Table 5.7. Temperature dependent Henry’s Law constants

Units of Pascal / mole A B C D
fraction
H,S 18.1937 -2808.5 2.5629 -0.01868

Data References: Selleck et al. (1952), Kozintseva (1965), Clarke and Glew (1971), Wright and
Maass (1932), Lee and Mather (1977)

CO,

1 110.034525 | -6789.04 | -11.4519 | -0.010454

Data References: Harned and Davis (1943), Versteeg and van Swaaij (1988), Ellis (1959),
Stewart and Munjal (1970), Wiebe and Gaddy (1939)

InH=A +B/T + C*InT + D*T

o Wright and Maass, 1932

35108 | o Clarkeand Glew, 1971  frrr—r—rpr—r—r—r——r
w C o Selleck et al., 1952 N
£ N x Kozintseva, 1965 3
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Figure 5.1 H>3S Henry’s constant in water assuming ideal liquid and vapor
____ phases.

For Henry’s Law constants, more data existed for the CO; system

compared to HS. The data presented for CO3 in figure 5.2 was truncated to
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partial pressures below 20 atm. Above this pressure, the gas solubility increased
with pressure. Most of the Ellis (1959) CO3 data are above this pressure limit.
Note the disagreement between the Ellis (1959) data and the data by Wiebe and
Gaddy (1939) and Zelvenskii (1937) at 120°C. The Ellis data is not included in
the curve since it is probably non-ideal and many other data sets disagree with it.
The curve by Edwards et al. (1978) fits all of the data except Ellis (1959) and has

been used in this work. Its coefficients for the temperature dependence are given

above in Table 5.7
S S S S,
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Figure 5.2 CO7 Henry’s constant assuming ideal gases, defined as CO partial
pressure in Pascals divided by molecular CO; concentration in mole

fraction. Dissociation was assumed negligible.
____________—_________________________________g_&____________
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5.2.2 Henry’s Constant in Mixed Solvents

Since data for the solubility of CO; and H3S in pure alkanolamines does
not exist, the coefficients for this Henry’s law have been assumed to be zero.
Therefore, we have assumed that the Henry’s constant in the mixed solvent is
equivalent to its value in pure water. Physical solubility measurements in aqueous
alkanolamine solutions are impossible due to immediate reaction of the molecular
gas species. However, for CO2 the solubility of non-reactive N7O in
alkanolamines can be measured. Then using the “N,O analogy”, which is based
on the fact that CO; and NoO have similar sizes and molecular weights, the
physical solubility of CO; can be deduced. There is no analogous molecule to
H,S to allow a measurement of its physical solubility in alkanolamine solutions.

Figure 5.3 below shows CO» physical solubility as a function of MDEA
concentration and temperature. The lines are calculated at an arbitrary low
loading from the electrolyte-NRTL model parameters in this work. The weight
percent lines cross near 40°C and follow the proper trend at higher temperatures.
Solubilities as a function of amine concentration unexpectedly invert at
temperatures below 40°C. In general, predicted CO2 solubility matches the data
within a factor of 1.5 and does not affect other species concentrations at low
loadings. At acid gas loadings greater than 1.0, where concentrations of
molecular acid gases are significant, calculated speciation and partial pressures

will not be correct.

105



Cco, Solubility (Pa/molefrac)

7.0 108
6.0 10
5.0 108
4.0 108
3.0 108
2.0 108
1.0 10®

0.0 10°

g Edwards etal., 1978 R
C ©  Pure water p
C o 10 wt% MDEA i
Ll o 20 wi% MDEA ]
| x 30 wt% MDEA ]
|+ 40 wi% MDEA B
Fl & 50 wt% MDEA _ =7
[ | — — ~ Model Predicted Solubility _- 3
- ~ 7 10 wt% MDEA
- ~ T30 wt% MDEA
- 50 wi% MDEA ~ = —-3
F data from N,O solubility 1
C e L ' L 1] 1 L 1 -l 1] l L i} J l 1 1 1 ' 1 1 B
20 40 60 80 100 120

Temperature (°C)

Figure 5.3 CO1 physical solubility measured in water and predicted in MDEA -
H;0 solutions from experimental N2O solubility data by Sandall

(1993) compared to model predictions.

5.3 EQUILIBRIUM CONSTANTS

For most constants we have tried to obtain all of the available data within

reason. We present all of the equilibrium constants on the molality basis with the

asymmetric activity coefficient convention for all species (y-->1 as x-->0).

Conversion of these equilibrium constant equations to the mole fraction basis and

the symmetric activity coefficient convention for the amines may be necessary

depending on the VLE model structure.
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Tabie 5.8. Temperature dependent equilibrium constants on molality basis.

Reaction A B C D

-MDEAH* + HoO < MDEA + H30+ -3935  -1709 8.01 00
Data References: Schwabe et al. (1959), Oscarson et al. (1989), Kim et al. (1987)

«DEAH* + H,0 < DEA + H30* -26.5 -4035 344 0.0
Data References: Bower et al. (1962), Oscarson et al. (1989)

CO,+2H,0 & HCO% +H;0t 235482 -12092.1 -36.7816 0.0

Data References: Harned and Davis (1943), Ellis (1959), Read (1975), Ryzhenko (1963)
HCO. + H20 e CO; + H30+ 220.067 -12431.7 -35.4819 0.0
3

Data References: Harned and Scholes (1941), Cuta and Strafelda (1954), Ryzhenko (1963)
H,S + Hy0 & HS-+ H30+ 218.599 -129954 -33.5471 0.0
Data References: Tsonopoulos et al. (1976), Ellis and Milestone (1967), Loy and Himmelblau
(1961), Wright and Maass (1932)
2H,0 < OH- + H30+ 140.932 -134459 -224773 0.0
Data References: Harned and Robinson (1940), Ackermann (1958), Noyes et al. (1907)
InKm=A+B/T +C*¥InT + D*T

*Amine protonation reaction given on asymmeltric activity coefficient convention. T in Kelvin.

5.3.1 H;O

The equilibrium constant for water is given in figure 5.4. The data agree
very well in the low temperature ranges. Fisher and Barnes (1972) measured pKw
between 100 and 300°C, but their experimental data exhibited large deviations
and are not included. Parameters in the Edwards et al. (1978) equation were
based on a curve by Tsonopoulos et al. (1976) which in turn was based on data by
Ackermann (1958), Harned and Robinson (1940) and Noyes et al. (1907) (not

shown).
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Figure 5.4 Ionization constant of water on the molality basis.

532 CO2

Figure 5.5 plots four experimental data references for the first ionization
constant of CO3, equation 2.31, versus the curves by Edwards et al. (1978),
Ryzhenko (1963). The Ellis (1959) data was at low, but not zero, ionic strength
and was averaged at each temperature. The curve by Edwards et al. (1978) was
based on the data of Harned and Davis (1943), Ellis (1959) and Ryzhenko (1963)
and is recommended for use. The parameters are given in Table 5.8. The
Ryzhenko curve is based on his own data and that of Harned and Davis (1943)
and is included for comparison since several literature sources utilize Ryzhenko’s

equation. All three equations agree reasonably well with each other. Note that
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the pK curve changes direction and therefore the AHx, changes sign at

approximately 60°C.
e
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Figure 5.5 First ionization constant for CO3 in water based on the molality scale
compared to literature curve fits.

533 HCO;

Figure 5.6 gives the second dissociation constant for CO3 on the molality
basis defined at zero ionic strength. Cuta and Strafelda (1954) data was not at
zero ionic strength which explains its positive deviation from the curves. The

curve by Edwards et al. (1978) fits well and is recommended for use up to 200°C.
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The Ryzhenko curve is included for comparison and generally agrees with

Edwards.
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Figure 5.6 Second ionization constant for CO; in water based on the molality
scale compared to literature curve fits. Cuta and Strafelda data was

not at zero ionic strengg.

5.3.4 H)S

Figure 5.7 presents the first ionization constant for H»S on the molality
scale. All of the data follow the same temperature dependent trends with slight
variations in the absolute magnitude of the pK. Tsonopoulos et al. (1976) provide
an equation for the temperature dependence of the pKa based on the data sets in

figure 5.7, but they used base ten logs instead of natural logs. Edwards et al.

110



(1978) modified the Tsonopoulos parameters to the natural log form and the

results are given in Table 5.8 and plotted in figure 5.7.
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Figure 5.7 First ionization constant for H,S in water based on the molality scale
compared to literature curve fits.

53.5 HS-

Obtaining the second dissociation constant for H3S is experimentally very
difficult. To obtain measurable amounts of S= very concentrated solutions of
NaOH, 15 N to 20 N, must be used. At these concentrations the solutions can no
longer be considered aqueous making analysis more difficult. Oxygen
contamination has also been said to cause low pK,’s due to formation of

polysulfides and thiosulfates (Giggenbach, 1971 and Meyer et al., 1983).
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Giggenbach gives a pK, for HS- as 17.2 at 14°C and 16.4 at 70°C. Meyer et al.
(1983) give a value of pK, for HS- as 17 £ 1. At typical gas treating solution pH

the concentration of S= is much lower than H* or OH- and therefore negligible.
53.6 MDEA

For MDEA the most notable conclusion is that most literature sources use
an MDEA deprotonation equilibrium constant (equation 2.35) based on only four
data points between 25°C and 60°C, collected in 1959. This is shown as the
dashed curve below in figure 5.8. We have found three other original references
for this equilibrium constant. Fortunately, two of the three references confirm the
values of Schwabe et al. (1959). The Oscarson et al. (1989) data extend the
temperature range to cover stripper conditions. Littel et al. (1990) data was not
included in the regressed curve and deviates consistently lower than the other data
sets for no known reason.

Regression of only the Schwabe data results in a constant heat of reaction
of 35.2 kJ/gmol. However, we know from Oscarson that the heat of reaction
varies from 32 to 42 kJ/gmol between 25°C and 150°C, respectively. Using a
constant heat of reaction for MDEA protonation results in a 50% difference in K
for MDEA and a 10% low prediction in the heat of absorption at stripper
conditions. The offset in the K could affect a rate-based model by significantly

changing activity coefficients and solution speciation to fit the data.
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Figure 5.8 MDEA deprotonation reaction equilibrium constant at zero ionic
strength based on molality scale and asymmetric activity
coefficients. Dashed line was fit on Schwabe (1959) only. The solid
line was fit on Schwabe, Oscarson and Kim data.

Differences in the heat of absorption will affect the calculated steam rate
in the stripper. Figure 5.9 illustrates the difference in the heat of absorption
predictions resulting from the different temperature dependencies. The

equilibrium constant that should be used for reaction 2.35 is given in Table 5.8.
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Figure 5.9 Ideal heat of absorption for MDEA-H>S and MDEA-CO7 calculated
from the heats of solution and reaction at infinite dilution.

5.3.7 DEA

The pK, values for the DEA deprotonation reaction (equation 2.36) are
given in figure 5.10. The curve, which was fit to the data sets in the figure, agrees
well with what little experimental data was found. Please note that the
equilibrium constant is based on the molality scale and asymmetric activity

coefficient convention.
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Figure 5.10 DEA deprotonation reaction equilibrium constant at zero ionic
strength based on molality scale and asymmetric activity
coefficients.

The above equilibrium constant plots for MDEA and DEA were obtained
by assuming that all activity coefficients approach one as pure water is
approached. However, this model assumes the amine activity coefficients
approach one as pure amine is approached. Therefore, to utilize the equilibrium
constants they have to be normalized by the infinitely dilute amine activity
coefficient as described in Chapter 2. In addition, all of the above equilibrium
constants are based on molality concentration units. This work uses the mole

fraction concentration scale. Chapter 2 also describes the procedure to convert the
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equilibrium constants to the mole fraction basis. Table 5.9 provides the
equilibrium constants as used in Aspen Plus™ after the above conversions have

been made.

Table 5.9. Temperature dependent equilibrium constants on mole fraction basis.

Reaction A B C D

*MDEAH* + H)O <> MDEA + H30+ -362 -4044.8 7.848 0.0
Data References: Schwabe et al. (1959), Oscarson et al. (1989), Kim et al. (1987)

*DEAHY + H,0 < DEA +H30* -94 6457 0.81 0.0
Data References: Bower et al. (1962), Oscarson et al. (1989)

CO, +2H0 & HCOE,’ +H;0+ 231465 -12092.1 -36.7816 0.0
Data References: Harned and Davis (1943), Ellis (1959), Read (1975), Ryzhenko (1963)

Data References: Harned and Scholes (1941), Cuta and Strafelda (1954), Ryzhenko (1963)
H,S + Hz0 & HS-+ H30+ 214582 -129954 -33.5471 00

Data References: Tsonopoulos et al. (1976), Ellis and Milestone (1967), Loy and Himmelblau
(1961), Wright and Maass (1932)

HS- + Hy0 & S=+ H30+ -320 -3338.0 0.0 0.0
Data References: Giggenbach (1971), Meyer et al. (1983)
2H,0 < OH- + H;0* 132.899 -134459 -224773 0.0

Data References: Harned and Robinson (1940), Ackermann (1958), Noyes et al. (1907)

InKy = A +B/T + C*¥InT + D*T

* Amine protonation reaction has been normalized by the infinitely dilute amine activity coefficient.
T in Kelvin.
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5.4 VAPOR PHASE MODEL

Soave's (1972) modification of the Redlich-Kwong (Redlich and Kwong,
1949) equation of state (RKS) is used to represent the equilibrium behavior of the
vapor phase. Soave (1972) replaced the temperature-dependent term % by a
function a(T, ®) involving temperature and the acentric factor. In pressure

explicit form, the RKS equation of state is (Aspen Plus™, 1994):

RT a
where 2 Zx, xj (ai 3)05 (1-kyj) (5.14)
Zx, (5.15)
kij = ki (5.16)
RTg
b; = 0.08664 —-SL (5.17)
Pci
R2TZ
2= 05 0.42747 (5.18)
Pci
= [1 + mi(l - T2 (5.19)
m = 048 + 1.57a -0.176a2 (5.20)

Equation 5.13 then is rearranged to solve the expression for the volume term. The
integral from equation 2.12 can then be calculated to obtain vapor fugacities for

use in VLE calculations.
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5.5 ACTIVITY COEFFICIENT MODEL

Chen et al. (1982) suggested a model for electrolyte systems that accounts
for long range ion-ion interactions and short range molecule-molecule and
molecule-ion interactions. Two guiding assumptions of their model are that like-
ion repulsions are large and that local electroneutrality is satisfied. Their initial
model only covered the case of one solvent and one completely dissociated
electrolyte. They state that the model is valid for concentrations ranging from a
molecular mixture to dilute electrolytes to fused salts. They use Pitzer’s (1980)
formulation of the Debye-Hiickel theory to account for the ion-ion long range
interactions. For short range interactions Chen used the Nonrandom Two-Liquid
(NRTL) model of Renon and Prausnitz (1968).

Chen and Evans (1986) extended their previous model to cover the case of
a single solvent with multiple electrolytes. They show the model to work well for
many different electrolyte systems. Here, vapor phase fugacity coefficients were
calculated by the Redlich-Kwong-Soave equation of state.

Mock et al. (1986) extended the electrolyte-NRTL model to cover mixed
solvent electrolyte systems. They used the same local and long range interactions
as Chen and Evans (1986). However, they mention but do not account for the
change that must be made in the reference state of ionic activity coefficients.
They are defined to approach one at infinite dilution in water, but in actuality the
ion approaches infinite dilution in a mixed solvent. Mock et al. mention the
possible use of a term to account for the dielectric constant of the mixed solvent to

adjust for the new ion reference state due to two solvents. Aspen Technology
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(1988) added a Born correction (Robinson and Stokes, 1970) to the model to
account for the change in reference state. The electrolyte-NRTL model is made
up of three separate terms to arrive at a total excess Gibbs energy which is
converted to activity cclefﬁciegts using thirmodynamif relationships.

RT™ RT T RT *7RT
5.5.1 Long-Range Contribution

The first term in equation 5.21 accounts for the long range ion-ion

interactions that occur at low ionic strengths.

g
e poi =-Zx (1000))5 (—Aﬁﬁ) In (1+p 10%) (5.22)
where
Mg  Molecular weight of solvent
p “Closest approach” parameter

Ix Ionic strength on mole fraction scale
_ o2
=05 2 Xi Z; (5.23)
i

x; = mole fraction of component i
: z; = charge of component i
Ay  Debye-Hiickel parameter

21:N°d

S
Ao=3 (DwkT

(5.24)

Ny = Avogadro’s number

d = Solvent density

e = electron charge

Dy, = dielectric constant of water
T = temperature, K

k = Boltzmann constant

5.5.2 Born Correction

The Born correction term accounts for the change in reference state for

ions from infinitely dilute in water to infinitely dilute in amine-water liquids.
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This difference is mainly represented by a change in the dielectric constant of the
solvent. When the radius of an ion is not provided or available in a databank, a

value of 3x10-10 m is assumed.

* Zxlez
g

ex Bom _ e2 1.,i
RT (ZkT)( Do Dy & 10 (525

= Born radius
D = Dielectric constant of mixed solvent

where

5.5.3 Local Contributions

The most important interactions in acid gas treating electrolyte solutions
are the short range interactions. These are accounted for by the NRTL structure
for multicomponent mixtures. The subscripts m, ¢ and a represent molecules,

cations, and anions, respectively.

ZXJ Gjm Tm szcac Tjc.a'c
ex NRTL 2 Xm 2 XCZ Xa \_]
2 k Gim c [2 Xa J % Xk Gkcac

z Gjac'a Tja.ca

+ 2 Xa Z ] (5.26)
[Z X ] >, Xk Graca
with
Gcm = ZaXa Gca.m Gam = EC XC Gca.m
2a Xa 2 Xc
p - E l,a Xa Ocam - Zc XcOcam
- Ya Xa w YeXe
where Xj = xjC(Cj=Zj forions and Cj = unity for molecules)
o = nonrandomness parameter
T = binary energy interaction parameter
and
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Gjcac = exp (-Qjca'c Tica'c) Gjaca = eXxp (-Qjaca Tja,c'a)
Gim = exp (-Cim Tim) Gecam = exp (-Ccam Tcam)
Tmaca = Tam - Tcam+ Tmca Tmcac = Tem - Tcam + Tm,ca

In this work the T, “tan”, parameters have the temperature dependence, T =
A + B/T. The model structure actually allows two additional constants for T to
add more complexity to its temperature dependence. This work assumes default
values of zero for all of the temperature dependent parameters. Default values of
the A parameter in this work are the same as Austgen (1989) and are based on
average T values obtained in Chen and Evans (1986) and Mock et al. (1986) for
numerous electrolyte systems.
These defaults are different than those listed in Chapter 3 of Physical Property
Methods and Models (Aspen Plus™, 1994). Aspen’s values listed on page 3-59
seem to be transposed and have been reported in table 5.10 below as they should
have been. The default values in this work, which differ from Aspen’s, are
explicitly declared in the input files so that Aspen’s default values will not be

invoked.
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Table 5.10 Default electrolyte-NRTL parameters specified in this work

Parameter This work Aspen version 9.2 defaults
(Aspen 8.5 defaults)

Al 02 Al 012
(ca) H,O 4 0.2 4 0.2
H>O0 (ca) 8 8
(ca) Amine 3 0.1 2 0.2
Amine (ca) 15 10
(ca) Solute 3 0.1 2 0.2
Solute (ca) 15 10
(c’a’) (c’a”) 0 0.1 0 0.2
(c"a”) (c’a’) 0 0
mj mp 0 0.2 0 0.3
my mj 0 0
Solute = CO > or H3S, (ca) = cation, anion pair, ml = solvent or solute.

From thermodynamic relationships (Prausnitz et al., 1986) we can get

activity coefficients from Gibbs excess energy.
%
dm¢g_/RT)
Inyj=| —=2— (527
dn; T.P.njzi
By substituting equations 5.22, 5.25 and 5.26 into equation 5.27, equations for the
contributions to the activity coefficient are obtained. The explicit activity
coefficient equations are given in Appendix C. The activity coefficients are then

applied to equation 2.17 along with mole fractions and Antoine equations to

predict the acid gas equilibrium vapor pressure.



5.6 VAPOR-LIQUID EQUILIBRIA CALCULATIONS

Once all of the above variables are calculated, equilibrium between the
vapor and liquid can be determined. From Chapter 2 we know that the liquid
fugacity must equal the vapor fugacity. Equation 2.17 is the resulting working
relationship for calculation of VLE for amine and water species. Equation 2.19
shows the relationship used for supercritical components such as CO7 and HjS.
The main difference between these two equations is the use of Henry’s constant
instead of pure component vapor pressure as the liquid fugacity reference state.

Recall that the Poynting correction factor has already been included in the

solubility parameter, H?, in equation 2.19.

° v; (P-Pi°
¢ yiP=YixiP; exp(‘—%—’l) @.17)
% yiP=7; x H 2.19)

An inconsistency in Aspen Plus™ has been found in the normalization of
solute, HoS or CO5, activity coefficients. Solute activity coefficients are defined
to approach one as their concentrations approach zero. However, since the
electrolyte-NRTL model treats molecules as being symmetrically normalized the
solute activity coefficient at infinite dilution, Y;o’ is not zero when solute-solvent
parameters are non-zero. To account for this, Aspen defines the asymmetric acid

gas activity coefficient as:

Y, = (5.28)

= =2
F-: 8 l."

The definition in equation 5.28 is correct, however the error is in the calculation

of 'Y;". It should be the acid gas activity coefficient at infinite dilution in the
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amine-water solution and should only be a function of amine concentration and
temperature. However, it is seen to also be a function of acid gas loading. It is
believed that Aspen calculates YT at any acid gas loading by simply setting the
molecular acid gas concentration to zero while allowing all of the other ionic
species to remain at their loaded solution values. However, in a truly infinitely
dilute solution all ionic concentrations except those associated with the basicity of
the amine should be zero. The end result is that 'Y? varies with acid gas loading
due to the varying ionic concentrations which affect the activity coefficient
calculations.

Figure 5.11 below quantitatively illustrates the effect of this incorrect
normalization. Calculations were made by keeping the infinitely dilute activity
coefficient constant at the true infinite dilution value and comparing to Aspen
calculated values. The greatest differences occur at high loadings where
molecular acid gas species play a more important role in VLE calculations and

where ionic concentrations are large enough to greatly affect activity coefficients.
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Figure 5.11 Effect of the different normalization of molecular acid gas infinitely

dilute activity coefficient.

5.7 DATA REGRESSION SYSTEM

The above sections describe the model used in this work and how
thermodynamic data is calculated. The thermodynamic structure must now be
applied to the fitting of experimental data. Some of this effort for the binary
amine-water thermodynamic system has already been discussed in Chapter 3.
This section will describe in slightly more detail the method of data regression.
Aspen Plus™ has built-in algorithms for the fitting of data called the Data
Regression System™ (DRS). Having these algorithms already coded into Aspen
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allowed this work to focus on the thermodynamic behavior of the system rather
than on convergence criteria, step sizes, etc.
Aspen performs a non-linear optimization by varying the parameters to

minimize Q in the following objective function.

DI

The objective function is summed over all i variables (Z) for each j data point and
all k data sets. The standard deviations, Gz, serve to equally weigh the variables
so, for example, pressure in Pascals is not more important than composition in
mole fractions. Estimates of the standard deviations are entered for every variable
in every data set. In general, the standard deviations were set to 0.2 for
temperature and 10% and 5% for total pressure and liquid mole fraction
concentrations, respectively. Deming’s method (1943) was used to determine
step sizes and to converge upon the solution.

Since error is assumed to exist in all of the variables, a classic treatment of
error in the dependent variable is not possible. Values of the independent
variables are normally assumed to be correct with error existing only in the
dependent variables. However, the Aspen DRS assumes error in all of the
variables and moves the data to match model predictions. One benefit of this
method is that it is more realistic for acid gas VLE data. Both acid gas loading
and acid gas partial pressures contain error, with loading being the larger error in
some cases. One drawback is that logical standard deviations must be chosen for

the variables. If pressure is given too high of a standard deviation in relation to
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the mole fractions, then only the pressure data will be fit and vice versa. In
addition, if very large standard deviations are given, then the data will move to fit
the model predictions rather than the model adjusting its parameters to fit the data.

To add further flexibility, Aspen also allows weighting factors upon the
data sets and parameter values. The values of the “A” parameters are on the order
of one and the “B” parameters are on the order of 1000. Therefore, the A
parameters were given a weight of 1.0 and the B parameters a weight of 0.01. In
this way, the B parameters were not given greater consideration during
regressions due to their larger values. Data sets included in the regressions were

all given an equal weighting of 1.0.
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Chapter 6: Methyldiethanolamine Systems

Methyldiethanolamine (MDEA) is one of the favored alkanolamines in
acid gas treating. It is receiving increased use due to its lower heat of reaction and
lower corrosivity compared to the other amines. In light of its increasing
industrial importance, it was determined that this work would emphasize
modeling MDEA and its mixtures with diethanolamine (DEA). This chapter
describes the data regression and model predictions for the MDEA-H;S-CO
system. Discussions of the DEA model and the complete mixture, MDEA-DEA -
H7S-CO»y, are given in Chapter 7. Also discussed in this chapter are model driven
experiments that have been performed. These data serve to fill the voids where
VLE data does not exist and provide additional information on solution
thermodynamics that cannot be obtained accurately from VLE data.

The regression of VLE data in the individual gas systems, MDEA-CO,
and MDEA-H;3S, are discussed first. Parameters obtained and model predictions
are compared to Austgen et al. (1991). This work has utilized a unique set of
parameters from the electrolyte-NRTL model and differences from Austgen are
discussed. Parameters used here stem from experience with the model, sensitivity
studies of Chang (1992), and from necessity to properly fit the experimental data.

VLE data was regressed to determine parameters for the high loading
regions. Then predictions at low acid gas loadings were improved by
manipulating the hydroxide parameters to match results from conductivity

experiments. The model has also been confirmed to be correct in the low loading
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region by comparison to pH data. Comparing model predictions to the
experimental data also allows comparison between the data sets. Outlying data
sets and discrepancies between data sets are discussed.

Model driven experiments are then discussed and details are given for the
experimental procedures, results and how they relate to the electrolyte-NRTL
model predictions. Conductivity measurements are shown to be an ideal method
of obtaining speciation in unloaded solutions. pH data has been measured and is
compared to model predictions. The last section describes predictions for the
mixed gas MDEA-H3S-CO; system. It is shown that mixed gas calculations can
be made from single gas systems without the need for additional parameters. A
good fit of the mixed acid gas data also confirms that the MDEA-CO; and

MDEA-H,S systems are correct.
6.1 MDEA-CO»

The creation of the MDEA-CO, model begins with the VLE data. Six data sets
from the literature have been regressed with the electrolyte-NRTL model. The
resulting parameters are given in Table 6.1. Recall that the model has a
temperature dependence in the taus of A + B/T. Therefore, the A’s and B’s listed
in Table 6.1 are the temperature dependent terms of the parameters. The B
parameter values and standard deviations have been given in Table 6.1 after being
divided by 313K. This allows comparison of the various values on the same basis
and shows that standard deviations on the temperature parameters are on the same
order of magnitude as the A parameters. Most of the parameters are well

predicted as indicated by the low standard deviations. The parameter for (C5+
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CO3) MDEA was not well predicted and is quite different from the default value

of -8 used by Austgen et al. (1991). Carbonate species concentration in this work
was much lower than Austgen’s as a result. Note that “C5+” is shorthand notation
for the protonated MDEA ions, MDEAH*.

Austgen et al. (1991) only regressed the first four parameters in Table 6.1.
The remaining parameter values listed are the default values used in their work.
Note also that Austgen et al. (1991) set their MDEA-H,O binary parameters equal
to zero. This results in an ideal solution which has been shown in chapter 3 to not
be the case. Binary MDEA-H,O parameters for this work are given in Table 3.8.
Austgen et al. (1991) did have non-zero binary parameters, but could not achieve
a good regression utilizing them. This is not because their binary parameters were
bad, but is a direct result of only utilizing the water parameters at the top of Table
6.1. It has been determined that MDEA parameters are required when amine-
water systems are not ideal. A difference in amine-water parameters propagates
into the electrolyte parameters making direct comparisons of the parameters more
difficult between this work and Austgen et al. (1991).

The true effect of the amines on solution behavior can only be modeled by
utilizing parameters with the amine. Although the water interaction parameters
contain protonated amine species, this is not sufficient to determine amine
interactions. It is not the absolute amine interactions that are important, but the
differences in salt interactions between amine and water. Since the amine is
further than water from its defined reference state on a concentration basis, it has

the most freedom of movement and therefore can have a greater effect on model
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predictions. When Austgen et al. (1991) set the MDEA-H70 system to be ideal,
the amine parameters were not required because there was no longer a significant
difference in sensitivity between the water and amine parameters.

Notice that the parameter for (C5+ OH-) H20 has no standard deviation
listed. That is because this parameter was not regressed with the Data Regression
System™ in Aspen Plus™. Instead, it was varied manually to match the
hydroxide concentration obtained from conductivity data. Conductivity

experiments are discussed in detail later in this chapter.

Table 6.1 Electrolyte-NRTL parameters for MDEA-CO2-7.13

parameter AorB value stddev , Tauat Austgen
_ 40°C  Model
- A 7.503 033 02 75 9.5
H,0 (C5+ HCOy)
B /313K 0 N/A

H,0 (C5+HCO))
A 587 020 02 36 45

(C5* HCO) H20
(C5+ HCOZ) H,0 B/313K 2.22 0.30
3
3
3
3
= B/313K 5.98 3.83
(C5+ CO3) MDEA
(C5+ OH) H,0 A -5.6 NA 02 -56 4
(C5+ OH-) H,0 B/313K 0 N/A

Table 6.2 provides the parameter correlation matrix for the MDEA-CO;
system. This table was obtained from the original regression in which the
hydroxide parameter was fit in Aspen. The hydroxide parameter was then moved

manually as discussed above. Table 6.2 shows that the hydroxide parameter is not
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sensitive to the VLE data. This justifies our method of using conductivity data
and also indicates that the hydroxide parameter can be moved without
significantly affecting the acid gas VLE predictions. High correlations are usually
seen and expected for the A with the B term of the same parameter. This is seen
for parameter 2 with 3 and 4 with 5. Note that the carbonate parameter 6 is not
comrelated strongly with any of the other parameters. This is a secondary indicator

that this parameter is difficult to obtain accurately.

Table 6.2 Parameter correlation matrix for MDEA-CO,-7.13.

e——

1 2 3 4 ] 6 7
1 1.00
2 | 0.28 1.00
3 1-071 -0.88 1.00
4 | 0.01 054  -040 1.00
5103 060 061 -094 1.00
6 | 0.17 027 030 012 0.06 1.00
7 | 0.04 0.11 -010 029 -0.28 0.23 1.00

Parameter Legend

1 H20 (C5* HCOz3")

2 (C5+ HCO3) H,O

3 (C5+HCOz) H2O

4 (C5* HCO3") MDEA
5 (C5+ HCO3") MDEA
6 (C5+ COs=) MDEA
7 (C5+ OH)H,0

> Wy >

VLE data regression

Most of the data was fit within £30% and the model goes through the
center of the data scatter as illustrated in figure 6.1. Note that at loadings less
than 0.01 there seems to be an upward trend in that data. The hydroxide

parameter allowed better fitting of the high amine concentration data, seen as the
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circular symbols, below a loading of 0.01. However, lower amine concentration
data was unmoved by this hydroxide parameter. The parameter loses its
sensitivity at MDEA concentrations below 25 wt%. It is unclear if this effect is a
true solution behavior which would signify a deficiency in the parameter set used.

Austgen (1989) also shows this trend in his dissertation figure 6.27.
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Figure 6.1 Ratio of experimental to model calculated CO partial pressures as a
function of CO2 loading for the MDEA-CO,-7.13 parameter set.

Mole fractions were simultaneously fit.

During regressions of experimental data it is also assumed that there is
error in the concentrations reported. In fact, very often the majority of the

experimental error in a data point resides in the determination of the solution
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loading. Based on this knowledge, the concentrations are also manipulated during
regression of the model. Figure 6.2 shows how well the CO3 mole fraction was
predicted by the electrolyte-NRTL model. Most of the data were fit within 20%.
Notice the inverse nature of figure 6.1 with figure 6.2. Where pressure is being

over predicted, the regression reduces the mole fractions to help fit the partial

pressures.
2 T T i ll'IlTI 13 1 llllll—l L] L rTTrl“lI
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Figure 6.2 Ratio of experimental to model predicted CO2 mole fractions as a
function of CO2 loading for the MDEA-CO>-7.13 parameter set.

Partial pressures were simultaneously fit.
___________________________________E_______Z.————-

Table 6.1 gives the resulting parameter set from the regression of the six

data sets given in figures 6.1 and 6.2. These parameters must be used with our
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previously reported MDEA-H>O binary system parameters, equilibrium constants
and Henry’s law equations. CO2-H70 and H3S-H»O binary NRTL parameters
used in this work were taken from Austgen (1989). Parameters not listed here
were set to the default values suggested by Austgen et al. (1991) and are given in

Table 5.10 and Appendix D.

6.1.1 Model predictions

Partial Pressure

Figure 6.3 below compares partial pressure predictions of the current
model to our simple model from Chapter 4 and to Austgen et al. (1991). Notice
that all three models roughly agree at 40°C where data is abundant. This work,
however, does predict a lower partial pressure at 40°C at loadings above 0.3. The
difference is partly due to the different data sets that were included in our
regression that Austgen et al. (1991) did not use. The data of Ho and Eguren
(1988) and Jou et al. (1994) was not available at the time they developed their
model. The simple model, which agrees with this work, also regressed the data of
Ho and Eguren (1988) and Jou et al. (1994). Note that our “Jou et al. 1993a”
reference has the same data listed in Austgen et al. (1991) as “Jou et al. (1986)”.
The difference at 120°C over the lower loading ranges is due to the different value
for the MDEA protonation reaction at temperatures greater than 100°C.
Predictions for 25 wt% MDEA are nearly identical between this work and

Austgen et al. (1991), except for CO7 loadings below 0.001 at 40°C.
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Figure 6.3 Calculated CO partial pressures in kPa at 40, 80 and 120°C by three
different models in 50 wt% MDEA.

The many orders of magnitude in pressure make comparisons in figure 6.3
difficult. Therefore, partial pressure in kPa was divided by the CO; loading
squared. This normalization procedure reduces the number decades in the y-axis

and makes differences in the models easier to see in figure 6.4.
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Figure 6.4 Calculated CO, partial pressure divided by CO; loading squared for
three models in 50 wt% MDEA.

Commercial absorbers can run at a variety of amine concentrations.
Therefore, figure 6.5 is given which nearly collapses the different weight percent
curves by dividing CO, partial pressure by the MDEA mole fraction which is
assumed to be acid gas free and the CO; loading squared. While this requires
more effort to obtain partial pressures from the plot, it reduces the y-axis to only

two decades greatly improving readability of the curves.
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Figure 6.5 CO partial pressure normalized by the gas free MDEA concentration

and the loading squared as a function of MDEA weight percent in

aqueous solutions at 40°C.

Speciation

Even when partial pressure plots appear similar, model behavior can be

quite different. This is due to different parameters which result in unique activity

coefficient behavior.

manipulating mole fractions and activity coefficients, while activities can remain
essentially the same. Figure 6.6 below shows the predicted mole fractions from

this work at 40°C for 50 wt% MDEA. The carbonate concentration shown is too

low based on experience with the DEA models.
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Figure 6.6 Liquid species mole fractions predicted by the current CO2-7.13
electrolyte-NRTL model parameter set for a 50 wt% MDEA solution
at 40°C.

The Henry’s constant for CO; is the only regressed parameter for CO;
solubility. No parameters accounting for solubility changes with amine
concentration or ionic strength were regressed. Therefore, the absolute value of
the molecular concentration of CO, could be wrong by a factor of two or more.
Unfortunately, little data exists for the concentration of molecular CO in acid gas
treating solutions to improve these predictions. Note that the lack of knowledge
of molecular CO7 concentration does not significantly affect VLE predictions at

loadings less than 1.0.
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Figure 6.7 compares calculated hydroxide and carbonate mole fractions for

a 50 wt% MDEA solution at 40°C from this work with Austgen et al. (1991).
Recall that Austgen et al. (1991) have used default values for the CO; parameters

of -8.0 compared to a regressed value of -2.0 at 40°C in this work.
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Figure 6.7 Liquid species mole fractions calculated from this work compared to
those calculated by the Austgen et al. (1991) electrolyte-NRTL

model parameter set for a 50 wt% MDEA solution at 40°C.

From DEA-CO; work discussed in chapter 7, it is believed the correct
value for this parameter lies between these two values at approximately -5.6. This
parameter value would result in more carbonate than reported in this work, but

less than reported in Austgen et al. (1991).
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Another difference illustrated in figure 6.7 is the mole fraction of
MDEAH* and OH- at very low loadings. Since VLE data did not exist below a
CO, loading of 0.001, other data was needed to determine where the model
should predict. Therefore, a few conductivity measurements have been
undertaken to determine the true ionic concentrations at low loading. These
experiments are discussed in detail in section 6.3. The OH- parameter listed in
Table 6.1 has been adjusted to match our hydroxide mole fraction calculated from
conductivity measurements in Table 6.6. Figure 6.8 gives the speciation in
50 wt% MDEA solutions at 120°C calculated from this work. It also shows a

carbonate concentration which is unreasonably low.
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Figure 6.8 Liquid species mole fractions predicted by the CO2-7.13 electrolyte -
NRTL model parameter set for a 50 wt% MDEA solution at 120°C.
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Activity Coefficients

Figure 6.9 illustrates the activity coefficient predictions for this work in
50 wt% MDEA at 40°C. Note that the activity coefficients of MDEAH* and
HCO'3 are not independent above a loading of 0.003. The CO? activity coefficient
approaches an unreasonable high value of near 1000 at zero loading. This
corresponds to the low concentrations of this ion and is another factor suggesting
our carbonate speciation is not correct. Note that the CO; activity coefficient
shown here is symmetrically normalized and not the asymmetrically normalized

value used for VLE calculations.
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Figure 6.9 Liquid phase activity coefficients for 50 wt% MDEA at 40°C
calculated from the electrolyte-NRTL “MDEA-CO,-7.13” model.
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Heat of Absorption

One important variable in acid gas treating thermodynamics is the acid gas
heat of absorption. In the absorber the temperature rise of the solution resulting
from the acid-base reactions and the slight increase in partial pressure that results
from this temperature rise must be determined. The negative of these numbers,
the heat of desorption, is required to calculate the steam requirement for the
stripper. In that respect, a smaller magnitude of the heat of absorption results in
less reboiler steam use and a more economical process if all other factors are
constant.

Heat of absorption can be calculated in two ways. First, it can be
calculated rigorously by determining the enthalpy of the solution before and after
the acid gas is absorbed. A second method is to apply the derivative of pressure at

constant acid gas loading shown in equation 6.1 below.
dinP\ _ AHaps
(d Tk~ R

6.1)

The heat of absorption presented here is calculated by equation 6.1 from
acid gas partial pressures as a function of loading and temperature. Figure 6.10
shows the calculated heat of absorption for CO3 into 50 wt% MDEA solutions.

The solid line in figure 6.10 is calculated from averaging values from the
25, 40, 80 and 120°C curves. It demonstrates the behavior that we would expect
for heat of absorption as a function of loading. Heat of absorption has
contributions for all of the reactions and the physical heat of absorption for gas

molecules dissolving into the solution. Of course as the solution becomes
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saturated at high loadings, only physical absorption is occurring and the heat of

absorption should approach the physical heat of absorption.
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Figure 6.10 Calculated heat of absorption for CO5 into 50 wt% MDEA solutions
as a function of temperature and CO; loading.

Heat of absorption calculated as a function of temperature is a less
accurately determined quantity. First of all, it requires a second derivative of all
of the equilibrium constants. In most cases, the values we have for the second
order temperature dependence of the equilibrium constants are not well
determined. This uncertainty propagates into uncertainty in the temperature
dependence of the heat of absorption. Secondly, the temperature derivative of the

heat of absorption is the heat capacity of absorption.
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d AH,
(-—d% = Cp, abs (6.2)

To determine Cp, abs One must know the differences in the heat capacities of all of
the ions and molecules. Values supplied to the model for heat capacities of the
ions are uncertain at best. Therefore, temperature dependence of the heat of
absorption at loadings away from zero will not be determined with accuracy or
certainty. In support of this conclusion, Jou et al. (1982) state in their paper that

heat of absorption is independent of temperature within the accuracy of their data.
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Figure 6.11 Heat of absorption of CO; into aqueous MDEA solutions calculated
from partial pressures compared to experimental calorimetric data

denoted bz squares and diamonds.
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Figure 6.11 compares heat of absorption calculated from partial pressures
in this work and Jou et al. (1982) with experimental data by Oscarson et al.
(1995). This work does not exhibit a loading dependence of the heat of
absorption until a loading of 0.7 is approached and is consistent with the data by
Oscarson. Jou et al. (1982) show a slight loading dependence, but generally agree
with this work and Oscarson’s data.

Note that the Oscarson et al. (1995) data is an integral heat of absorption.
They measure the total heat in bringing an amine solution from zero loading to the
desired loading and then divide by the total moles of acid gas added. Calculations
from the models are the heat of absorption at a given loading. To properly
compare with the Oscarson data the model curve has been numerically integrated.
At a given loading, every heat of absorption below that loading is included in the
numerical integration. This has no effect on calculations below a loading of 0.6
since the curve is constant. However, comparisons to the Oscarson data have

greatly improved at high loadings as seen by the dashed line in figure 6.11.
6.1.2 Unregressed Data

There exists vapor-liquid equilibrium (VLE) data that was not regressed to
form the CO7-7.13 parameter set. This data is compared to predictions by the
model and most of the data are fit well as shown in figure 6.12. The equilibrium
data by Chakravarty (1992) and Mshewa (1995) were obtained from rate
measurements of absorption and desorption in MDEA solutions. Shen and Li
(1992) data have a significantly different trend than the other data at a loading

range where experimental measurements should be relatively easy. Therefore,
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careful consideration should be given before utilizing their data. The data by
Bullin et al. (1996) generally agrees with our model, except for two points at very
low CO3 loading. Data by Huang and Ng (1995) agree well for this MDEA-CO3
system, but show a slight upward trend at low loading. Bullin et al. (1996) show a

slight downward trend at low loading.
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Figure 6.12 Model prediction comparison of CO, partial pressures for data sets
that were not included in the regression of the parameters.

Due to the method of this calculation in Aspen, mole fractions were also
assumed to contain error and were predicted simultaneously. Notice in figure
6.13 that the mole fraction curve is the inverse of the partial pressure plot. By

manipulating the mole fractions in the opposite direction, the pressure data
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appears to fit slightly better than it would if no movement of mole fractions were

allowed.
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Figure 6.13 Model prediction comparison of CO, mole fractions for data sets that
were not included in the regression of the parameters.

6.2 MDEA-HS

Much less data exists for the MDEA-H3S system compared to the MDEA-
CO; system. We have regressed three data sets to obtain the electrolyte-NRTL
parameter set called “MDEA-H2S-6.5" in this work. Figure 6.14 shows how well
the three data sets were fit by the model. Jou et al. (1982) mention errors in their

data at very low and very high loadings. Therefore, this data set has been cut to
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H>S loadings above 0.01 and below 1.2. The data sets are fit well with an average
error of approximately 20% in H3S partial pressure. The two Jou data sets seem

to be following a slightly lower trend than the model at loadings below 0.01.
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Figure 6.14 Ratio of experimental to model predicted H2S partial pressures as a
function of H»S loading for the MDEA-H>S-6.5 parameter set. Mole

fractions were simultaneouslz fit.

As with CO2, mole fractions were simultaneously regressed and model
predictions are given in figure 6.15. Table 6.3 provides the parameters which are
to be used with the previously reported MDEA-H70O parameters and other

constants.
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Figure 6.15 Ratio of experimental to model predicted H2S mole fractions as a
function of H3S loading for the MDEA-H>S-6.5 parameter set.

Partial pressures were simultaneousl_z_ fit.

Table 6.3 provides the resulting parameters from the above regression.
Standard deviations listed as “N/A” indicate a parameter that was not regressed.
They are included in the table so that the values for the A and B temperature
dependent parameters are clear. The (C5* OH-) H,O parameter is identical to that

listed in Table 6.1 to maintain consistency for the MDEA-H7S-CO» system.
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Table 6.3 Electrolyte-NRTL parameters for MDEA-H>S system, “H7S-6.5”

Regressed AorB value standard |, Tauat Austgen
parameters deviation 40°C Model
H,0 (C5*HS) A 5.00 071 02 50 10
H>0 (C5*HS) B /313K 0 N/A

(CS* HS") HO A -2.625 045 0.2 24 32
(C5+HS") H,0 B/313K  0.207 0.42

(CS* HS") MDEA A 0.0416 0.66 0.1 45 8
(C5+HS") MDEA B/313K -4.588 0.78

(C5+ OH) H,O A -5.6 N/A 02 -5.6 4
(C5+* OH) H,O B /313K 0 N/A

Austgen et al. (1991) only regressed the first four parameters listed in
Table 6.3. They set the other parameters to defaults of -8 and -4 as shown. Recall
also that they set the MDEA-H7O parameters to zero. The electrolyte parameters
are correlated to the binary parameters making comparisons between this work
and Austgen et al. (1991) less straight forward. It was found that to regress the
data satisfactorily when MDEA is not assumed to be ideal, the (C5+* HS*+) MDEA
parameter must be used. MDEA-H70 systems are known to be highly non-ideal
and to have a strong temperature dependence as demonstrated by the high heats of
mixing. Therefore, the Austgen parameter set compensated for this error at 40°C
where most of the data was, but was unable to also predict correctly at 120°C
where data is sparse. Figure 6.16 illustrates that the greatest difference between
this model and Austgen et al. (1991) is at 120°C.

Parameter correlation between the electrolyte parameters helps identify
relationships between the different species. Table 6.4 shows the correlation
matrix for the MDEA-H;S-6.5 parameter set given in Table 6.3. All of the

parameters are moderately correlated which indicates that they all have some
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effect on model predictions. A correlation of one would indicate that a parameter
has been duplicated and can be removed. As occurred for the CO; system, the
parameters with the highest correlation are the A and B for the same parameter, 2
with 3 and 4 with 5. Moderate correlations also exist between the other important

parameters.

Table 6.4 Parameter Correlation matrix for MDEA-H3S-6.5

1 2 3 4 3
1 1.00
2 -0.54 1.00
3 025 068 1.00
4 -0.15 0.67  -0.65 1.00
S5 042 032 075 083 1.00

Parameter Legend

1 H,O (C5+HS) A
2 (C5tHS')H,0 A
3 (C5+HS)YHLO0 B
4 (C5+HS))MDEA A
5 (C5+HS)MDEA B

6.2.1 Model Predictions
Partial Pressure

Our model generally agrees with Austgen at 40°C and 80°C, but predicts
differently at 120°C for 50 wt% MDEA in figure 6.16. This difference comes
from a combination of factors such as different amine-water behavior, different
pKa of MDEA at T>100°C, different electrolyte-NRTL parameters used in the

regression, and a lack of VLE data to determine proper behavior.
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Figure 6.16 Electrolyte-NRTL model predicted H>S partial pressure in kPa by
three different parameter sets for a 50 wt% MDEA solution at 40, 80
and 120°C.

From our work with the simple model we have shown that partial pressure
in MDEA systems is directly proportional to MDEA concentration. Therefore,
we have divided partial pressure by the acid gas free MDEA mole fraction and
Hj3S loading squared and plotted it versus HjS loading. The result is figure 6.17
which can be used to calculate partial pressures in kPa at 40°C for any MDEA

concentration.
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Figure 6.17 Model calculated H3S partial pressure divided by gas free MDEA
mole fraction and the loading squared, as a function of MDEA

weight grcent in aqueous solutions at 40°C.

Speciation

Solution speciation in H,S systems is more straight forward than for CO2
systems. S= ions are never found in any significant concentrations and do not
contribute to the overall H;S balance. Therefore, speciation as a function of HzS
loading is a straight line with one mole of MDEAH™ and one mole of HS- being
formed for every mole of H,S added as seen in figure 6.18. The hydroxide
parameter that was used for MDEA systems is not acid gas dependent. Therefore,

predictions of hydroxide concentration are identical at very low loadings in CO2
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and H3S systems. Properly predicting molecular H5S concentration has the same
difficulties as given for CO;. No data exists for H3S that could be regressed to
improve predictions beyond the simple Henry’s Law solubility for molecular HS

in acid gas treating solutions.
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Figure 6.18 Calculated liquid mole fraction concentrations in 50 wt% MDEA at
40°C for the MDEA-H;S-6.5 electrolyte-NRTL model.

Activity Coefficients
Figure 6.19 below shows the activity coefficient predictions for this work
in 50 wt% MDEA at 40°C. Note that the activity coefficients of MDEAH* and

HS- again are not independent above a loading of 0.001. Note that the HjS
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activity coefficient shown here is symmetrically normalized and not the

asymmetrically normalized value used for VLE calculations.

5 L 1) ITAI_I'K—I 1] 1] lel—lrI L4 A} IIIIII_I L} ) IIl,YII
- / P
2 I /]
2 T~ .
é 3 M‘DEAEI"' \-\\\ OI'r / -
E - —
> TTTee HS
- B —————— =
Z i
< [ H,S
| 50 wt% MDEA 40°C
0-3 L ) !llll_!L I L LlllLlL . I_LIIIL][ L Lo L 1 1.t 0
0.0001 0.001 0.01 0.1 1

H,S Loading

Figure 6.19 Calculated liquid activity coefficients in 50 wt% MDEA at 40°C for
the MDEA-H,S-6.5 electrolyte-NRTL model.

Heat of Absorption

Heat of absorption for the MDEA-H S system is somewhat more smooth
than the CO, system. Calculations from the model were performed based on
partial pressure derivatives as given in equation 6.1. Values at high loadings in
figure 6.20 do not approach zero as in the CO7 system. It also appears that the
curves do not approach the physical heat of absorption for HyS of approximately

-20 kJ/gmol H,S. It is believed that model predictions above a loading of 1.0 are
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not good and result in the unsmooth behavior. Also unlike the CO3 system, the
curves show a slight H2S loading dependence in the heat of absorption. The solid

line is a simple average of the four temperature curves.
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Figure 6.20 Calculated heat of absorption of HS into 50 wt% MDEA solutions

as a function of temggramre and H»S loading.

The average heat of absorption from figure 6.20 has been compared to
values by Jou et al. (1982) calculated from their VLE data and experimental data
by Oscarson et al. (1995) in figure 6.21. Note that the Oscarson data does not
show trends in amine concentration or temperature within the accuracy of the
data. After integration of the heat of absorption curve from this work, agreement

is good with the Oscarson data up to a loading of 1.0. If the Jou et al. (1982) were
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also integrated, it would very closely match the Oscarson data. However, again
note that this work does not approach the physical heat of absorption
demonstrated in the Oscarson data. The Jou curve does approaches a more

reasonable physical absorption limit than the solid line representing this work.
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Figure 6.21 Heat of absorption of H5S into aqueous MDEA solutions calculated

from partial pressures comgared to experimental calorimetric data.

6.2.2 Unregressed Data

There are three data sets for the MDEA-H 7S system that were not included
in the regression and they are compared to the model below in figure 6.22. The
Huang and Ng (1995) data was not included because it was known from our

simple model work that it would not agree with the data of Jou et al. (1982,
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1993a). Rather than have the model split the difference between the two data sets,
we decided to use only the Jou data, which is available in the open literature and

then explore the differences between the data sets.
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Figure 6.22 Model prediction comparison of H3S partial pressures for data sets
that were not included in the regression of the MDEA-H 2S-6.5

Earameters.

A separate regression of the electrolyte parameters was performed on only
the Huang and Ng (1995) data. A good fit was obtained by regressing the
hydroxide parameter listed in Table 6.1. This set of parameters will be referred to
as the Huang model. The main difference is the (C5* OH*) H,O parameter which

is -4.6 for the Huang and Ng (1995) data compared to -5.6 in this work. Since
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there is no way of determining which set of pressure data is correct, we have
compared predictions of pH and hydroxide concentration. The Huang model
predicts consistently lower pH compared to this work and Austgen et al. (1991)
from an H3S loading of 0.001 to 0.3. These curves are compared against
experimental data in figures 6.24 and 6.25. pH predictions are different,
unfortunately the curves are close enough that the pH data in this work is not
accurate enough to draw a strong conclusion. However, we also compare the
hydroxide concentrations in Table 6.6 and the Huang model predicts too little
hydroxide consistent with their lower pH. Therefore, it is concluded that the
slightly higher partial pressures of the Huang and Ng (1995) data are not correct.

The data of Li and Shen (1993) is shown to deviate significantly from the
other data sets and should be scrutinized carefully before use. Data by
MacGregor and Mather (1991) seems to follow the same trend as Li and Shen
away from the norm of the data. It is unclear why these two data sets exhibit this
downward trend in a region where experimental measurements should not be very
difficult. It is possible that H,S was adsorbing onto the walls of their equilibrium
cells or analytical devices. This error would be more pronounced in the low
pressure, low loading region which is the trend noted in figure 6.22.

Due to the method of this calculation in Aspen Plus™, mole fractions
were also assumed to contain error and they were predicted simultaneously.
Notice in figure 6.23 that the mole fraction curve is the inverse of the partial
pressure plot. By manipulating the mole fractions in the opposite direction, the
pressure data appears to fit slightly better than it would if no movement of mole

fractions were allowed.
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6.3 MODEL DRIVEN EXPERIMENTS

From work with the simple VLE model described in Chapter 4, it was
determined that existing experimental VLE data was not always consistent and
did not cover the loading ranges desired for acid gas modeling. VLE data below a
loading of 0.01 moles acid gas per mole of amine is sparse and even then exhibits
significant variations between experimenters. Therefore, to model the acid gas
treating system well at low loading data other than VLE has to be utilized. This
approach was demonstrated in Chapter 3 for the binary amine-water systems.
Total pressure data was shown to be insufficient for accurate modeling and heat of
mixing and freezing point depression data was utilized to improve the overall
model.

Unfortunately, the majority of the experimental data collected have been
of the pressure-concentration type. Oscarson et al. (1995) measured heat of
absorption data for several acid gas systems at a variety of temperatures and
amine concentrations. However, the experimental method and data are not of
sufficient quality to improve upon the current VLE data set. Therefore, different
thermodynamic data was sought that could be accurately measured where VLE

data is lacking.
6.3.1 Conductivity

As a method of obtaining more information about low loading conditions,
conductivity measurements have been made. Since the conductivity of a solution

is directly related to the ionic strength, concentrations of the ionic species can be
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inferred. Specifically, the concentration of hydroxide and protonated amine ions

were desired.
6.3.1.1 Conductivity Theory

Conductance of a solution holds much more information than simply how
much charge can be carried by the solution. Conductance in a solution is created
by the movement of ionic species in that solution when placed under a driving
force. In the case of conductance measurements, the conductivity probe has small
parallel plates across which a high frequency AC voltage is applied. The charge
difference between the plates causes the ions to move towards the opposite
charged plate. This movement of ions is measured as the electrical resistance of
the solution, the inverse of which is conductance. Therefore, ionic species
concentrations can be obtained directly from calibrated conductance
measurements.

At infinitely dilute concentrations of ions in water the specific ionic
conductivities can be assumed to be independent of the presence of the other ions.
This is known as the law of independent migration of ions (Atkins, 1986).
Equation 6.1 demonstrates the relationship and allows the calculation of any
electrolyte conductivity given its constituent ionic molar conductivities at infinite
dilution.

Al =Vike+ VA (6.3)
Where Afn is the molar conductivity of the dissociated electrolyte, S cm2/mol

S is conductance, siemens (1 S = | mho)
V4 or - is the stoichiometry of the ion in the molecule, unitless
A+ or - is the molar conductivity of the ion, S cm2/mol
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Infinite dilution conductivities in water for the common ions are available in the
literature at 25°C (Atkins, 1986; CRC, 1988). Conductivity of an ion is also a
function of the ionic concentration. Kohlrausch’s Law relates the conductivity to
the square root of the concentration as given in equation 6.4. This relationship is

only valid for concentrations below an ionic strength of 0.1.
A_=A) +KCO5 (6.4)

where K is a coefficient determined from experimental data
C is the concentration in mol/cm3

We can also make use of the relationship between conductivity and ionic
mobility. The Nernst-Einstein relation describes the correlation between ionic
conductivity and diffusion coefficients for the ions. This very powerful equation
allows direct calculation of diffusivity from conductivity data.

o _Z2F2D;
mi~ RT

where A(:ni is molar conductivity of species i, S cm2/mol

(6.5)

z is the charge number of the ion, unitless

F is Faraday’s constant, 9.64846 x 104 C/mol
D is diffusion coefficient, cm2/sec

R is gas law constant, 8.314 J/gmol-K

T is temperature in Kelvin

It would appear that the units do not cancel. However, they will cancel without

the need for additional constant factors once the definitions of coulombs,

C=A sec, and Siemens, S=AZ2 sec / J, are utilized. Equation 6.5 is used to

calculate diffusivities to confirm our experimental conductivity results.
Stokes-Einstein theory (Atkins, 1986) is also very useful in extracting

information from conductivity measurements. It states that the ratio of
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diffusivities between two solutions is inversely proportional to the viscosity ratio

to the power of one if hydrodynamic radius and temperature are kept constant.

D wyo A
Dip _ (H2yo _ A
Di2 (p.l)‘ A, ©0)
1

This relationship is logical as the diffusivity is expected to decrease in a more
viscous solution. Since conductivity is directly proportional to diffusivity,
equation 6.6 also shows that conductivity is inversely proportional to viscosity.
Many authors have regressed upon experimental diffusivity data a coefficient for
the viscosity ratio that ranges from 0.6 to 1.0. Ratios lower than one are due to
ionic association and hydrogen bonding effects in amine-water mixed solvents

that do not occur in pure water.
6.3.1.2 Probe Calibration

A Yellow Springs Instrument Co. (YSI) Model 32 Conductance Meter was
utilized for these measurements. The conductivity cell was a YSI 3417 with a cell
constant of 1.0/cm. The meter outputs the conductance of the solution in
millimhos or micromhos. In official SI units, mhos are known as siemens, S.
This value is then multiplied by the cell constant in l/cm to derive the
conductivity in mho/cm. Temperatures were obtained using a controlled water
bath and solution temperatures were measured directly using a thermistor probe
which was accurate to 0.01°C.

The conductivity probe and readout were calibrated using 0.1M KCI and
0.1 M NaCl solutions. KCl and NaCl were gravimetrically added into 50 mL

volumetric flasks on a scale accurate to 0.0001g. The flasks were then filled to
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the appropriate fill line with deionized (DI) water. The solution conductances
were measured from 24°C to 40°C as given below in Table 6.5. Literature values
for KCl and NaCl were obtained from the YSI (1989) manual, which were
acquired from International Critical Tables Vol. 6 (1930) and CRC Handbook
42nd ed. (1961) respectively. The DI water was confirmed not to significantly
contribute to the conductivity of the solutions due to its very low ionic strength.
The resulting cell constant for the probe is 1.088 £ 0.01 1/cm. Note also that
conductivity is affected by fluid dynamics. Therefore, the probe was calibrated in
the same physical position and the same beaker in which the experiments were

performed.

Table 6.5 Conductivity probe calibration measurements

System Temp., Conductance,  Literature Conductivity

°C millimhos or Conductivity, Probe constant,
millisiemens mmho/cm or mS/cm_ l/em

DI water 22.62 0.0020

DI water 39.92 0.0041

0.1M KCl in DI water 2424 11.68 12.67 1.08476

0.IM KCl in DI water 40.00 15.35 16.70 1.08795

0.1IM Na(l in DI water 24.40 9.62 10.53 1.0946

0.1M NaCl in DI water 39.94 12.89 13.98 1.08456

Average 1.088 +0.01

6.3.1.3 Analysis Procedure

The conductance is read directly from the meter and conductivity is then
obtained by multiplying conductance by the cell constant, 1.088. Tables A.1 to
A.7 contain the series of experiments designed to obtain the molar conductivity of
MDEAH*, DEAH*, and OH- ions in typical amine solutions.

First, one can assume that the molar conductivity ratio of K+ and Cl- is

roughly constant in all solutions because these simple ions do not exhibit
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significant interactions. From the literature (Atkins, 1986) we have the molar
conductivity at infinite dilution of K* and Cl- in water. These and values for other
ions are given in Table A.6. Keep in mind that the following calculations have to

all be made at the same temperature. The example below was calculated at 25°C.

Hy0 mho-cm3 HzO mho-cm3
}" + ()=T735 cm-mol A g =764 00T cm-mol 67
R=(A /2 Cl-) =0.962 69)

Conductivity of 0.1M KCl is then measured in water. This demonstrates

the magnitude of the concentration effect on the conductivity in equation 6.4.

A (©.IM) = 1286 %% ARZ 0.1M) + A, 001 (69)

Using the ratio, R, from equation 6.8 we can solve for both conductivities
in the right side of equation 6.9.

A0 0.1 = 63,0 RIS 5 B0 g 1y~ 5.5 mhoem’ g 10)

Conductivity of 0.1M KCI in the amine solution, 49wt% MDEA for this
case, is then measured. See Tables A.l1 to A.7 for detailed reporting on the
measured conductivities. Following the same procedures from equations 6.8 to
6.10, we obtain equation 6.11. This measurement confirms the validity of
equation 6.6 relating conductivity ratios to viscosity ratios. Viscosity of 49wt%
MDEA is apprommately 6.3 times higher than water at 25°C.

mho-cm3 MDEA mho-cm3
7\. (OIM)- IOOW 7\. (01M)—104m-(611)

Now that conductivity of K+ in the amine is known, 0.1M KOH in the
amine is measured. Using the K+ value from 6.11, the hydroxide conductivity is

determined.
A 0.IM) =243 =0 @IM+A N0 (612)
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mho-cm3

MDEA
Ao (0IM)=143""—=

6.13)

Note that equation 6.6 holds for K+ and Cl-, but it does not hold for
associating ions such as OH- and amineH* especially at concentrations above
infinite dilution. An amine solution is then completely neutralized with HCI and
diluted with water to a concentration of approximately 0.0005M. The
conductivity of this solution is then measured and assumed to contain only
MDEAH+* and CI- ions. Knowing the CI- conductivity in water, the amineH*

value in water is obtained.

H0 _ _ 1 Ho Hp0

A MDEAR*q- () = 1273 = A MDEAH* (°°)3+}" a- (6.14)
H20 _ mho-cm

A MDEAH* (o) =509 cm-mol (6.15)

Since no significant interactions occur at infinite dilution, the viscosity
ratio from equation 6.6 is applied to obtain the protonated amine conductivity in

the amine solution.
3, MDEA 50.9 mho-cm3

wpean+ (*) =73 =808 el

(6.16)
Most coﬁductivities were to decrease by a factor of two from 0.1M to
infinite dilution in 49 wt% MDEA. This factor is applied to the value in equation
6.13 and on combining with equation 6.16 the conductivity of the pair is obtained.
AMDEA op ()= 8428 = 36 Thoem? 6.17)

Finally, conductance of an amine-water solution at the desired amine
concentration is measured and divided by the molar conductivity to obtain the
ionic concentrations after some conversions. Contributions to the conductivity

from impurities and the water itself must be subtracted from the solution

conductivity at this point.
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KMDEAH OH™ _ 0.0515 E-3 mho/cm

C= - MDEA o3 = 143E-6molem®  (6.18)
MDEAH*OH- 36 g
1.43 E-6 mol/cm3 * 1000 cm3/L *0.1313
XoH- = 230 M MDER =42E-5  (6.19)

It is important to note that absorbed CO; can greatly affect accuracy of
the results. Therefore, care must be taken to exclude CO, or to accurately
quantify its presence and subtract its contribution to conductivity. CO3 loadings
above 0.0001 begin to mask conductivity contributions from the basicity of the
amine.

Another measurement which serves as a comparison to other amines is the
conductivity of the amine infinitely dilute in water. The various amines can then
be compared and the validity of equation 6.6 for protonated amines can be
verified. Conductivity from lowest to highest is DEA < MEA < MDEA. Atkins
(1986) stated that movement of an ion is related to its hydrodynamic radius. It is
postulated that the methyl group on MDEA prevents hydration by water and
therefore results in a lower effective radius for MDEA than the other two amines.
DEA would be expected to be less mobile than MEA due to its larger size and
molecular weight.

Another difficulty in analyzing conductivity measurements at high
concentrations is ionic association. Cations and anions can pair up by association
and not contribute to conductivity. This results in molar conductivities being
overpredicted and is one of the major sources of experimental uncertainty. The
difficulty lies in the fact that the degree of association is an unknown function of

ionic strength.
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6.3.1.4 Results and Discussion

Following the analysis procedure above, we arrive at a molar conductivity
for MDEAH+OH-) of 36 + 5 mho-cm3/cm-mol at 25°C and 65 + 5 at 40°C,
infinitely dilute in 49 wt% MDEA solutions. Using the values of the molar
conductivity for MDEAH* and OH- the mole fractions of these ions in a 49 wt%
MDEA solution can be estimated.

The CO; loading of the first 49 wt% MDEA run was measured at 0.00018.
A correction has been applied to this data set to account for the additional
conductivity. Given all of the assumptions above, the hydroxide mole fraction
has been calculated to be approximately (4.2 + 2.0) E-5 at both 40°C and 25°C.
This small difference is due to the fact that the measured conductivity increased
by a factor of two while the molar conductivity of MDEAH*OH- also increased
by a factor of two.

Table 6.6 compares the calculated hydroxide mole fraction in 50 wt%
MDEA solutions from the conductivity experiments compared to three sets of
electrolyte-NRTL parameters. Our current CO2-7.13 model is an improvement
over the other models because its hydroxide parameter has been moved to fit the
hydroxide mole fraction at 40°C in a 50 wt% MDEA solution. More conductivity
data would be required to improve the predicted temperature dependence of the
hydroxide concentration in Table 6.6. Parameters by Austgen et al. (1991)
predicted the values calculated from the conductivity experiments fairly well

without adjustments. The predictions of hydroxide mole fraction from the Huang
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model described above are consistently lower than the other models and the

experimental data.

Table 6.6 Calculated hydroxide mole fraction concentration in 50 wt% MDEA
solutions

Conditions Conductivity _ Austgen  CO2-7.13 Huang _

50 wt% 25°C (4.2+2.0)E-5 5.0E-5 2.6E-5 1.4E-5

50 wt% 40°C (4.2+2.0)E-5 6.0E-5 4.1E-5 1.9E-5

50 wt% 120°C N/A 9.0E-5 2.0E4 4.1E-5

Equation 6.5 illustrated how conductivity is related to diffusivities. We
have taken the infinitely dilute conductivities of MDEAH* and DEAH* in
49 wt% MDEA and 29 wt% DEA, respectively, from Table A.7 and calculated
their diffusivities. These values for the protonated amines are compared to
literature data for the molecular amines in the same solutions at the same
temperatures. There could be a difference in the diffusivity of the amine versus
its protonated counterpart, however they are usually assumed to be equal.
Diffusivities in MDEA agree very well with data by Snijder et al. (1993) at 25°C
and 40°C. Values presented for Snijder were obtained from his equations
describing diffusivity as a function of temperature and amine concentration.
Calculations for DEA agree very well with Thomas and Furzer (1962) at 25°C,
but are approximately 40% lower than values by Snijder et al. (1993). Therefore,
the conductivities in the concentrated amines are confirmed to be roughly accurate

and equation 6.5 is shown to be appropriate.
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Table 6.7 Calculated diffusion coefficients from the Nemnst-Einstein relation
compared to experimental data

Diffusion Coefficient, cm?/sec
Conditions This work Snijder et al. (1993) | Thomas and
Furzer (1962)
49 wt% MDEA, 25°C 2.14E-6 23E-6
49 wt% MDEA, 40°C 4.03 E-6 3.8 E-6
29 wt% DEA, 25°C 327E-6 452 E-6 34E-6
29 wt% DEA, 40°C 4.64 E-6 6.56 E-6
6.3.2 pH

pH by definition is directly related to the activity of hydronium ions and
indirectly related to all of the other species activities. pH data supplements VLE
data as another source of thermodynamic information to be used in modeling.
Unfortunately, very little pH data exists for acid gas loaded solutions. This data is
somewhat difficult to collect due to the loss of the absorbed gases. Collecting this
data can also be dangerous in the case of H3S systems. However, an alternative
method to using dangerous HjS is to use an analogous acid such as hydrochloric
acid (HCIl). For the Amine-H3S systems, we can assume that its pH behavior is
similar to the Amine-HCI system at equal acid loadings. Since none of the
species are volatile, this experiment can be easily completed by standard wet
chemistry techniques. By this analogy we can perform the much easier pH
titrations of amine solutions and infer the thermodynamics in the Amine-H3S
system. This analogy will not work for CO2 systems at low loadings due to the
second dissociation of HCO3. Therefore, a few measurements have been made

using CO1 as the acid titrant.
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6.3.2.1 pH Theory

The pH measurement system was originally defined for use in aqueous
systems using molality concentrations. pHp, is defined as the negative base ten
logarithm of hydronium ion activity where concentrations are in molality.

pHp, = - log [ ap;0+] (6.20)

However, this work utilizes the mole fraction scale and the following conversion
can be applied to convert between molality and mole fraction based pH values.

pHm = pHx - 1.7447 (6.21)

Calculations of pHy in this work were made by calculating the pOHy, then
applying the relationship in equation 6.22 for the equilibrium constant of water.

pHx = pPKw - pOHx (6.22)
Our model, however, includes the activity of water in the equilibrium constant

given in equation 2.38 below.
a0H- aH;0+

38
aH,0 2H,0 (238)

K[nw=

Therefore, in 50 wt% MDEA solutions at high loading, calculated pHy, can be as
much as 0.2 pH units higher than experimental pHy, data. This difference
between the two methods approaches zero as the acid gas loading and amine
concentration approach zero. In general, the difference in not including the

activity of water was less than the experimental uncertainty in the data.
6.3.2.2 Experimental Procedures

Titrate Solution Preparation

Approximately 100g of a 50 wt% MDEA solution was prepared

gravimetrically with vacuum distilled, deionized water on a scale accurate to
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+0.0001 g. The MDEA, CAS No. 105-59-9, was from Huntsman Chemical and
was called “JeffTreat® M” lot #305224A. The stock MDEA concentration was
found to be 98.0 £+ 0.5 wt% MDEA by titration with standard 1M HCI] and the
remaining 2% was assumed to be water. The stock amine purity was determined
after the following experiments were performed and the actual amine
concentration was propagated throughout our calculations. This explains why the
experiments are carried out at 49 wt% instead of the intended 50 wt% MDEA.
The prepared 49 wt% MDEA solution was placed in an Erlenmeyer flask
and subjected to a light vacuum for several minutes to remove any dissolved
gases. In general, bubbles were seen leaving the solution and the vacuum was

removed when the evolution stopped.
HCI Titrant Preparation- 2/12 & 2/16 experiments

The following procedure applies to acid titrant preparation for the
experiments listed in Table B.1 and B.2 only. The acid titrant concentration was
chosen such that the desired loading range would be covered while using a
maximum of 5 mL of acid. This minimizes the change in amine concentration
resulting from the water added with the acid. Even with this procedure, the acid-
free amine concentration changed from 49 wt% to approximately 46 wt% at the
end of the titration for the 2/12 and 2/16 experiments. The dilute HCI titrant was
prepared volumetrically using a 36.5 wt% stock hydrochloric acid and vacuum
distilled DI water. The concentration of the stock acid was determined to be
11.658 N by titration with a standard NaOH solution from Fisher. The density of
the concentrated acid was measured to be 1.1644 +0.0009 g/mL.
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Titrant Solution Preparation-remaining experiments

The maximum desired acid loading was determined first. Then, a titrant
solution was made that contains approximately 2 times the desired final solution
acid loading. For example, if a final acid loading (mol acid/mol amine) of 0.1 in a
50 wt% MDEA (acid-free basis) solution is desired, a clean 50 wt% MDEA
solution would be titrated with a 0.2 loaded 50 wt% solution. Therefore, the acid
free MDEA concentration remained constant at 50 wt% and pH measurements
were made as the acid loading is increased. A vacuum was pulled on these titrant

solutions before the experiment since they have the capacity to absorb COs.
6.3.2.3 pH Calibration and Measurement

A new Fisher "AccupHast" pH electrode was used for the experiments
listed in Tables B.1 through B.7. The data in Table B.8 was measured using a
new Corning pH probe, cat. no. 476531, which was similar to the previously used
probe. The readout was a Corning model 130 with slope, intercept and
temperature calibration knobs. The probe was calibrated in standard pH 7 and pH
10 buffer solutions at room temperature or 40°C depending on the experimental
temperature. The temperature compensation was set to the experimental
temperature before the calibrations at that temperature were performed.

The amine solution was continuously stirred and the pH probe remained
submerged in the solution throughout the experiments. Attempts were made to
limit the atmospheric exposure of the solutions, but the experiment was by no
means air tight. The titrant was added incrementally by volume using a 25mL

burette with 0.1mL graduations. The experiment was carried out in a temperature
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controlled water bath and the actual solution temperature was monitored. Table
6.4 archives the MDEA experimental conditions. An equivalent table is given in
Chapter 7 for the DEA experiments. Some of the solutions were analyzed for
CO, content before and/or after the experiment. Procedures for liquid CO»

analysis can be found in the dissertation by Mshewa (1995).

Table 6.8 MDEA titration experimental conditions neutralized with HCI or CO;

date solution acid free COyldg | CO;ldg acid ldg
temperature | amine wt% | before exp. | after exp. range

HCl
2/12/96 22t028°C | 48.8-464 N/A 0.00011 0.001-0.1
2/16/96 ~22°C 48.8-45.7 N/A N/A 0.0001 - 0.01
2/21/96 ~22°C 48.97 10.03 N/A N/A 001-1
3/25/96 25.53-25.70 | 48.8940.05 NA 0.00018 |0.0001-0.01
3/27/96 39.48 - 40.65 48.95 N/A 0.00021 |0.0001-0.01
4/5/96 39.97-41.15 48.96 0.00011 0.00020 | 0.001-0.1
€O,
8/19/96 ~22 49 0.0001 0.279 0-0.28

6.3.2.4 Results and Conclusions

Recall from Chapter 4, figure 4.3, that two distinctly different data sets
exist at low loading for the MDEA-H2S system. In an attempt to reconcile the
differences between the Jou et al. (1982, 1993a, 1994) and Huang and Ng (1995)
data sets, an electrolyte-NRTL parameter set was regressed upon the Huang data
only. Plots of calculated partial pressure match the upward trends seen in figure
43. pH was then calculated for this “Huang only” parameter set and compared
with the current model, Austgen et al. (1989) and the experimental data.

Figure 6.24 illustrates that we cannot conclude which data set is correct
based on the current pH data. The Huang curve does not include any correction

for a CO7 loading of 0.0002 and therefore would predict a slightly lower pH at
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lower loadings. A CO; loading of 0.0002 was typical of the CO2 absorption
during the experiment and therefore is assumed applicable to those experiments
where CO, content was not quantified. After a CO, correction is applied to the
Huang model, the present model would best agree with the data at loadings
between 0.0001 and 0.001. No strong conclusions can be made on the overall
validity of the Huang data from figure 6.24. Note that the Austgen curve has
“over-corrected” for the CO; loading and it is believed that his model predicts the

presence of too much CO3=.
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Figure 6.24 pH predicted by the electrolyte-NRTL model for three different
MDEA parameter sets for a S0 wt% MDEA solution at 25°C

compared to four exErimental data sets.
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Figure 6.25 for 40°C shows even smaller differences between the models
and the data. This leads to several conclusions for the MDEA-H3S system. One
being that models with different pressure predictions can predict the same pH
behavior. This is due to the correlation between mole fractions and activity
coefficients in the hydronium activity. This can limit the ability to use pH data as

a tool for comparing VLE data sets.
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Figure 6.25 pH predicted by the electrolyte-NRTL model for three different
MDEA-H S parameter sets for a 50 wt% MDEA solution at 40°C

comEared to two eerrirnental data sets.

Another conclusion is that this model is properly predicting pH data.

Therefore, with this model pH data can be used as a simple measurement
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technique in the field for determining acid gas loading. A final conclusion is that

our HCI-H 7S analogy is correct with respect to pH measurements.
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Figure 6.26 pH predicted by the electrolyte-NRTL for MDEA-CO; for a 50 wt%
MDEA solution at 25°C compared to experimental data that varied
from 22.3 to 23.3°C.

A different situation exists for the MDEA-CO system. Speciation for

CO, systems is more complex than H5S systems since the second dissociation of

COj to CO? is significant at low loadings. Even though the equilibrium constants

are known, due to the activity coefficients CO; concentration can vary widely.

Figure 6.26 compares electrolyte-NRTL model predictions at 25°C of this work

and Austgen et al. (1991) against experimental data. The Austgen model predicts
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much lower pH which corresponds to its higher CO'; compared to this work.

Note also that Austgen et al. (1991) did not regress any parameters specific to
CO§ while the present work has. Both models have the proper slope, but this
work fits the data with much more accuracy. If predictions were made at 22°C
instead of 25°C, this work would coincide with the data and Austgen would still

be significantly different.
6.4 MDEA-CO2-H,S

6.4.1 Data Comparisons

Many authors have stated that mixed gas equilibria can be predicted from
the component single acid gas models. This work also concludes that mixed acid
gas data can be reasonably predicted from accurate single acid gas parameter sets.
Parameters from the “MDEA-C0>-7.13” and “MDEA-H>S-6.5" systems have
been combined into a single Aspen input file so that calculations can be made for
the MDEA-CO2-H3S system. It is imperative that all of the parameters, including
the default values, be specified exactly as listed in this work since the default
parameters have changed in version 9.0 of Aspen Plus™. When making
calculations for this MDEA mixed gas system, the combined parameter set is
referred to as “7.13/6.5” or variations upon these two numbers.

Predictions of unregressed data for the mixed acid gas system are
performed exactly as they were for the single acid gas systems, with one
exception. Since there are now two components contributing to acid gas partial
pressure, the pressure ratio in figure 6.27 is the total acid gas partial pressure ratio.

Also similar to the single acid gas calculations, error is assumed in both partial
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pressure and acid gas mole fractions. Predicted acid gas mole fractions are given

in figure 6.28 and 6.29 as a function of the total acid gas loading.
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Figure 6.27 Ratio of experimental to model predicted total acid gas partial
pressures as a function of total acid gas loading for the combined
MDEA-CO,-7.13-H2S-6.5 parameter set. Mole fractions were

simultaneouslz Eredicted.

Most of the data is fit well and is centered around 1.0. The Bullin et al.
(1996) data which exists at the lowest loadings also exhibits the greatest scatter of
the data sets. Actual scatter of the Bullin data is reduced by fitting of the CO2
mole fractions. Figure 6.28 shows that some the Bullin data has significant errors
in the predicted CO» mole fractions. The three Bullin data “sets” contain within

each of them several distinct data series. This explains why some of the 23 wt%
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40°C and 23 wt% 50°C data is fit very well and disagrees by a factor of two or
three. It is believed that CO; was not at equilibrium in these discrepant data
series. The Jou et al. (1993b), Ho and Eguren (1988) and Huang and Ng (1995)
data sets were all predicted very well by the model considering no new parameters
were utilized for the mixed acid gas predictions. The upward trend of the Huang

data seen in the MDEA-H>S system is not evident here.
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Figure 6.28 Ratio of experimental to model predicted CO2 mole fractions as a
function of total acid gas loading for the combined MDEA-CO2-
7.13-H2S-6.5 parameter set. Acid gas partial pressures were

simultaneouslz Eredicted.

Figure 6.29 shows that, in general, H>S mole fractions were fit more

closely than were CO,. Again, some of the Bullin data series are fit well while
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others deviate significantly from a perfect fit of 1.0. All of the data sets are

predicted within a factor of two in H»2S mole fraction.
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Figure 6.29 Ratio of experimental to model predicted H2S mole fractions as a
function of total acid gas loading for the combined MDEA-CO2-
7.13-H2S-6.5 parameter set. Acid gas partial pressures were

simultaneously predicted.

6.4.2 Model Predictions

The following four figures are given as useful tools for determining
approximate acid gas partial pressures in the mixed acid gas MDEA system.
Calculations were made using the Aspen input file given in Appendix D. In a
mixed acid gas system the partial pressures are a function of both acid gas

loadings. However, the curves can be collapsed by normalizing the acid gas
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value is then plotted versus total loading and figure 6.30 shows the results for 50
wt% MDEA at 40°C. By normalizing we can now read H5S partial pressure
versus many different CO5 loadings on a single plot. In addition, the number of

decades in pressure on the y-axis have been reduced improving readability of the

plot.
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Figure 6.30 H>S partial pressure in kPa divided by the H>S loading, calculated
from the combined MDEA-6.5-7.13 model parameters. CO»
loadings remained constant for each curve in 50 wt% MDEA
solutions at 40°C.
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Normalization of the 50 wt% MDEA plot at 120°C did not produce as
consolidated of a single line as with the 40°C plot. It does, however, still collapse
a good region of the plot and reduce the decades on the y-axis. Some of the
reason for the failure of the normalization at 120°C is that it does not account for
the appreciable concentrations of molecular acid gases at the higher loadings. It

might also be a result of the carbonate/bicarbonate buffer occurring at low

loadings.
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Figure 6.31 H3S partial pressure in kPa divided by the H»S loading, calculated
from the combined MDEA-6.5-7.13 model. CO; loadings remained
constant for each curve in 50 wt% MDEA solutions at 120°C.
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CO;, partial pressures also collapsed nicely onto a single line when
pressure in kPa was divided by the CO3 loading at 40°C. Comparing figure 6.32
to 6.30 demonstrates why MDEA is used for selective removal of H2S. In
addition to having a slower rate of reaction with CO2 compared to other amines,
MDEA is more thermodynamically favorable for H3S than CO;. Values for
normalized H3S pressure vary from 3 to 200 while CO4 pressures vary from 5 to

1000 over the same loading range.
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Figure 6.32 CO3 partial pressure in kPa divided by the CO loading, calculated
from the combined MDEA-6.5-7.13 model. H3S loadings remained
constant for each curve in 50 wt% MDEA solutions at 40°C.
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Partial pressure of CO3 at 120°C in 50 wt% MDEA collapsed the least of
the four presented curves. It does, however, still reduce the orders of magnitude

in the y-axis to improve readability.
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Figure 6.33 CO1 partial pressure in kPa divided by the CO; loading, calculated
from the combined MDEA-6.5-7.13 model. H3S loadings remained
constant for each curve in 50 wt% MDEA solutions at 120°C.
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6.5 CONCLUSIONS

The model for the MDEA-H2S-CO5 system begins with a strong
underlying amine-water model. Rather than assuming the MDEA-H>O system to
be ideal, we have utilized freezing point and heat of mixing data to improve our
predictions of MDEA activity coefficient in aqueous MDEA solutions. MDEA
activity coefficients are important not only in the acid gas VLE calculations, but
also are required to calculate the amount of amine in the vapor phase. Amine
losses from the top of the absorber are an important operational consideration and
only with good values of the MDEA activity coefficients can they be accurately
quantified.

After improving the amine-water model, the equilibrium constant for the
reaction of MDEA with HoO was improved. Heat of reaction data has been used
to improve the temperature extrapolation of the equilibrium constant past the
previous upper limit of 60°C. Values for the pKa of this reaction are different
from previously reported values at temperatures greater than 100°C.

This work has also utilized a unique set of parameters from the electrolyte-
NRTL model. The choice of parameters stems from experience with the model,
sensitivity studies of Chang (1992), and from necessity to properly fit the
experimental data. First, VLE data was regressed to determine parameters for the
high loading regions. Predictions at acid gas loadings lower than where VLE data
exists were improved by manipulating the hydroxide parameters to match results
from conductivity experiments. The models were also confirmed to be correct in

the low loading region by comparison to pH data.
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Partial pressure predictions of this model generally agree with Austgen et
al. (1991) at 40°C and 80°C, except for the CO, system below a loading of 0.001.
The discrepancy is due to a much lower carbonate concentration being predicted
in this work compared to Austgen. The actual carbonate concentration is most
likely slightly less than predicted by Austgen and on the order of 10-6 at low
loading in 50 wt% MDEA at 40°C. Independent measurements of the bicarbonate
to carbonate ratio in aqueous amines would help clear up the discrepancy.
However, calculations of pH in this work much more closely match experimental
pH data for the MDEA-CO, than does Austgen et al. (1991). Pressure predictions
in this work at 120°C are higher than predicted by Austgen due to our different
MDEA activity coefficients and lower pKa at temperatures greater than 100°C.

A discrepancy exists for the MDEA-H;S system at low loading. Data
from Huang and Ng (1995) predicted higher partial pressures than data by Jou et
al. (1982 & 1993a). The Huang data was analyzed using the electrolyte-NRTL
model. Predictions of pH and hydroxide concentration appear to be slightly low,
leading us to conclude that the partial pressure data of Huang and Ng (1995) is
slightly too high.

Speciation predictions for the model seem to be reasonable for moderate
and low loadings. However, the inconsistent reference state for acid gas
molecules leaves some concern at high loadings. The model will still predict
pressures properly, but the incorrect reference state will affect the calculated acid
gas molecular concentrations. The reader is cautioned in using speciation
predictions from this model, especially for the acid gases, at high loadings and

amine concentrations.
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Partial pressure predictions for the MDEA-H2S5-CO; system agree well
with unregressed mixed acid gas data. It is concluded that good predictions can
be made by combining the single acid gas parameters into a single model. Most
of the data by Ho and Eguren (1988), Jou et al. (1993b) and Huang and Ng (1995)
was fit very well by the model. Some of the data by Bullin et al. (1996) was fit
very well and some not very well. For some of the data sets it appeared that CO,
equilibrium had not been reached.

Overall, a model has been developed for the MDEA-H,S-CO» system
which is improved over previously existing models. Predictions for the MDEA -
H;0 system are the most accurate to date due to the use of thermodynamic data in
addition to total pressure data. The model fits all of the vapor-liquid equilibria
data very well. In addition, we have improved model predictions and our
understanding of low loading behavior by using conductivity data. Finally, the
model is shown to predict partial pressures for the mixed acid gas system very

well without the need for additional parameters.
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Chapter 7: Diethanolamine and MDEA-DEA Systems

Diethanolamine (DEA) has long been used in acid gas treating systems. It
originally served as a replacement to monoethanolamine (MEA) due to its lower
corrosivity and vapor pressure. Like MEA, DEA reacts directly with CO to form
a carbamate species. The ability to quickly react with CO7 has led DEA into a
supporting role of “fine tuning” absorption of CO; in MDEA systems. By
varying the ratio of DEA to MDEA a solution can be customized to the desired
CO; removal given a specific acid gas feed stream. While meeting the CO2 outlet
specifications is important, excessive removal of CO3 is costly and can hinder
H,S absorption.

Given the continued importance of DEA in acid gas treating, this chapter
first covers equilibrium in the DEA-H3S and DEA-CO; systems. Figures and
discussions show that we have obtained a good model. Our DEA-H>S model is
similar to that of Austgen et al. (1989). The predictions for the DEA-CO> system
also agree with Austgen et al. (1989) at 40°C, but differences between the two
increase with temperature at low loading. Reasons for the differences and our
predictions are further discussed.

Our resulting parameter sets are then combined with the MDEA parameter
sets from Chapter 6 to form a complete MDEA-DEA-H;S-CO2 model. No
additional parameters are regressed and predictions using the combined parameter
set are compared to literature VLE data. Figures are then given allowing the

reader to predict acid gas VLE in the mixed amine, mixed acid gas systems.
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7.1 DEA-H>,S

Much more data exists for the DEA-H>S system as compared to the
MDEA-HS system. We have fit VLE data from five sources to the electrolyte-
NRTL model. Table 7.1 lists our resulting parameters and some unregressed
parameters are also listed for clarity. Parameters with “N/A” for the standard
deviations were not regressed with the Aspen DRS. Tau values have been
calculated at 40°C for this work and for that of Austgen et al. (1989) and are
compared in the last two columns of Table 7.1. The last two parameters were set
to default values of -8 in the parameter sets by Austgen. The values for those
parameters in this work are less negative than the defaults. Due to the negative
correlation between parameter 1 and 4, (DEAH* HS-) DEA increases while H70
(DEAH* HS-) decreases. Therefore, these two seemingly different parameter sets
can predict the same due to parameter correlation.

Standard deviations for the parameters must be viewed on a relative and
not absolute basis. Therefore, the B parameters and their standard deviations
given in Table 7.1 have been divided by 313K so that all parameters can be
compared on the same order of magnitude. Standard deviations can also be
compared between parameters to determine which are the most sensitive to the
data regressed. A small standard deviation indicates that the parameter was very

important in obtaining a good fit of the data.
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Table 7.1 Electrolyte-NRTL parameters for DEA-H5S system, “DEA-H7S-6.3”

Regressed AorB  value standard This work Austgen
parameters deviation 40°C 40°C
H,0 (DEAH* HS") A 7.766 0292 02| 7.8 10.1
H,O (DEAH+HS) B/313K 0 N/A

(DEAH* HS-) H,0 A -3.328 0.183 02 -39 49
(DEAH* HS) H,0 B/313K -0591 0.111

(DEAH* HS-) DEA A 4.132 035 0.1 -54 8
(DEAH* HS") DEA B/313K -1275 0.35

(DEAH* OH") H,O A -5.75 N/A 0.2 -58 8
(DEAH* OH-)H,0 B/313K 0 N/A

Table 7.2 Parameter correlation matrix for the DEA-H,S-6.3 parameter set

1 2 3 4 5 6
1 1.00
2 -0.85 1.00
3 0.32 -0.77 1.00
4 043 0.56 -0.48 1.00
5 0.00 0.21 0.38 -0.90 1.00
6 0.13 -0.11 0.04 0.09 -0.12 1.00
Parameter Legend
1 =H,0 (DEAH* HS") A
2 = (DEAH* HS") H,O A
3=DEAH* HS")H,0 B
4 = (DEAH* HS") DEA A
5 =(DEAH* HS") DEA B
6 = (DEAH* OH") H,0O A

Table 7.2 is the resulting parameter correlation matrix which provides

insight into the relationships and dependencies between the parameters. The

(DEAH* OH-) H»O parameter was originally regressed, which is why it is

included in Table 7.2 as the sixth parameter. However, the parameter value has

been fit outside of the Aspen DRS to our measurements of hydroxide

concentration and therefore a standard deviation is not provided for it in Table
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7.1. Conductivity experiments to obtain the hydroxide concentration are
discussed in section 7.3. The very low correlation of the hydroxide parameter to
the others justifies the assumption that a complete refit of the data with the new
hydroxide parameter is not necessary. It also illustrates that the hydroxide
parameter is not sensitive to VLE data and therefore cannot be determined from it.

High correlations are noted and expected between the two components of
each tau parameter, 2 with 3 and 4 with 5. There also tends to be significant
correlation between parameters that are the reverse of one another. Parameters 1

and 2 have a correlation coefficient of 0.85 in Table 7.2.
7.1.1 Data Regression

Data used to regress parameters for the DEA-H3S system is much more
scattered than the MDEA data. Lal et al. (1985) state that errors in their data
become large at low loadings and our preliminary analysis of their complete data
set confirmed this. Therefore, the Lal et al. data set was reduced such that only
data above an HS loading of 0.021 were used. H>S partial pressure was
predicted within +30% as shown in figure 7.1 and none of the data sets were seen
to deviate consistently from the norm. Mole fraction of H,S was fit at the same
time and comparisons to model predictions are given in figure 7.2. Mole fractions
are predicted well with an error of £20%. Resulting parameters are given in Table

7.1 and are analogous to the MDEA-H>S system.
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Figure 7.1 Ratio of experimental to model predicted H2S partial pressures as a
function of H3S loading for the DEA-H2S-6.3 parameter set. Mole

fractions were simultaneouslz fit.
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Figure 7.2 Ratio of experimental to model predicted H2S mole fractions as a
function of H>S loading for the DEA-H3S-6.3 parameter set. Partial

pressures were simultaneouslz fit.

7.1.2 Model Predictions

Partial Pressures

Model parameters from Table 7.1 have been utilized to make calculations
with the electrolyte-NRTL model. Parameters from Table 7.1 must be used with
our previously reported DEA-H,O parameters, Henry’s law equations and
equilibrium constants. This work, Austgen et al. (1989) and the simple model

from this work agree very well at loadings above 0.01 (figure 7.3).
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Figure 7.3 H3S partial pressure predicted by the electrolyte-NRTL model with
two different parameter sets for a 30 wt% DEA solution at 40, 80
and 120°C.

The electrolyte models continue to agree to lower loadings where the
simple model does not account for hydroxide reactions. This work therefore
corroborates the Austgen DEA-H>S model. It also shows that different parameter
sets can predict the same partial pressure behavior. Austgen et al. (1989)
accounted for non-idealities in DEA-H2O which is one reason the DEA-H;S
models predict much closer than the MDEA-H,S models do as shown in figure

6.3.
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Equilibrium analysis concludes that, to a first approximation, H,S partial
pressure is directly proportional to the amine concentration (Austgen, 1989).
Therefore, if the partial pressure is normalized by the acid gas free amine
concentration, then calculated pressures at different amine concentrations will
collapse onto a single line. Figure 7.4 demonstrates these assumptions hold and
allow the reader to calculate H3S partial pressure at 40°C at any amine

concentration and H3S loading.
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Figure 7.4 H5S partial pressure in kPa divided by the acid gas free DEA mole
fraction at 40°C for the DEA-H7S-6.3 model.
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Speciation

An important result from rigorous equilibrium modeling is the ability to
predict liquid species concentrations. Figure 7.5 plots the liquid phase mole
fractions of the important species in a 30 wt% DEA solution at 40°C. The
interesting areas of the graph are where the hydroxide ion and bisulfide ion
change roles as the dominant anion. This corresponds with the change in slope of

the partial pressure plots at an HS loading of approximately 0.003.
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Figure 7.5 Liquid phase mole fractions for a 30 wt% DEA solution at 40°C from

the DEA-H7S-6.3 electrolyte-NRTL model.
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It also illustrates why simple models that do not account for hydroxide ions fail in
low loading predictions. Sulfide ion concentrations are on the order of 10-10 and
were deleted from figure 7.5 to improve readability.
Activity Coefficients

Activity coefficients shed some light on the interactions occurring in the
solution. They also are necessary for calculation of vapor-liquid equilibrium.
One should be careful not to put too much emphasis on a single activity
coefficient value. Activity coefficients can vary with the data regressed, the
model structure, the parameters used and the equilibrium constants. They also are
highly correlated with each other and should be viewed only in the context of a
complete model. Completely different model structures, with different
parameters, can have different activity coefficients and still predict partial
pressure and VLE data exactly the same. Figure 7.6 gives our calculated activity
coefficients at 40°C for a 30 wt% DEA solution. Curves for HS- and DEAH*
exactly coincide above an H3S loading of 0.01 and split towards values of 1.03

and 0.93, respectively, at very low loadings.
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Figure 7.6 Activity coefficients for a 30 wt% DEA solution at 40°C from the
DEA-H,8-6.3 electrolyte-NRTL model.

Heat of absorption

An important variable in acid gas treating is the heat of absorption. It
govemns the heat rise in the absorber and determines the steam required in the
stripper. In addition, good values of the heat of absorption are an ideal way to
thermodynamically verify a model regressed upon VLE data. Figure 7.7 plots our
calculated heat of H,S absorption in a 30 wt% DEA solution as a function of
temperature. These values were calculated by taking the derivative (equation 6.1)
of our partial pressure predictions as was done for MDEA. The solid line is an

average heat of absorption from the other four lines. The DEA-H3S model seems
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to be better behaved than in the MDEA systems. The various temperatures are

nicely spaced and all of them approach the physical heat of absorption for H;S at

a loading of one.
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Figure 7.7 Heat of H,S absorption into 30 wt% DEA calculated from pressure
predictions of the DEA-H;S-6.3 electrolyte-NRTL model.

To confirm our calculations, the average heat of absorption from figure 7.7
has been compared to literature values in figure 7.8. This work tends to be
slightly higher than the data of Lee et al. (1973a) and Oscarson et al (1995). The
Lee data assumes that heat of absorption is not a function of temperature. As a
result, the values reported in this work might not be at the same average

temperature as Lee et al. (1973a).
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Note that the data by Oscarson et al. (1995) is a cumulative heat of
absorption. Their experiments involved absorbing acid gases into clean amine
solutions at various ratios to obtain various final H>S loadings. Therefore, their
heat of absorption at, for example, an H3S loading of 0.6 is an integrated value of
all of the heats of absorption from zero to 0.6. So, to compare to the differential
heat of absorption of this work and that of Lee et al. (19732), the heats of
absorption at each loading must be averaged with all of the preceding heat of
absorption values. This has been done numerically for our average heat of

absorption and is indicated in figure 7.8 by the dashed line.
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Figure 7.8 Heat of absorption of H;S into DEA solutions calculated by this work
and Lee et al. (1973a) from partial pressures compared to integral

heat of absorption calorimetric data.
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Note that the Oscarson et al. (1995) data is more closely represented by
the integral heat of absorption curve. The Oscarson data do not show an amine
dependence within the accuracy of their data. Experimental data is presented for
77°C, however their data also do not show temperature dependence with the

scatter of the data.
7.2 DEA-CO,

The DEA-CO3 system is the most complex of the binary systems studied
here. It has all of the reactions of the MDEA-CO> system with the addition of the
carbamate reaction. The carbamate reaction adds complexity because it is not
independently known with accuracy from the literature. Since the carbamate
reaction only occurs in the presence of DEA. and all the other CO reactions, its
equilibrium constant is difficult to isolate. Any attempts to measure the constant
at high amine concentrations fail because of the fast reversion of carbamate to
bicarbonate. This makes precipitation experiments impossible. Therefore, the
equilibrium constant for the carbamate reaction must be regressed.

We have regressed electrolyte-NRTL parameters and the carbamate
equilibrium constant to four VLE data sets and pH data from this work. A
preliminary parameter set did not agree with our pH data. Therefore, the pH and
VLE data have been simultaneously regressed and the resulting parameter set is
presented in Table 7.3. Calculated values of the tau parameter at 40°C are also
compared to the parameters of Austgen et al. (1989). Again the temperature

parameters have been divided by 313K for easier comparison in Table 7.3. The
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natural log of the carbamate equilibrium constant at 40°C is -8.0 in this work

compared to -6.4 for Austgen et al. (1989).

Table 7.3 Electrolyte-NRTL parameters for DEA-CO; system, “DEA-CO2-104"

Regressed parameters aorb  value standard This  Austgen

deviation work  40°C
40°C

H,0 (DEAH* HCO3Y) A 2.460 08 02 25 93

HoO (DEAH* HCO3) B/313K 0 N/A

(DEAH+ HCO3) H,O A -5.408 056 02 -16 44

(DEAH+ HCOs) H70O B/313K 3.776 0.75

(DEAH* HCOs3") DEA A 4.865 0.93 0.1 -6.1 8

(DEAH+ HCO3-) DEA B/313K -10965 0.90

(DEAH* CO3=) DEA A 8 N/A 0.1 -56 8

(DEAH* CO3=) DEA B/313K 2.387 2355

H,0 (DEAH* DEACOO") A 11.799 029 02 11.8 119

(DEAH+ DEACOO-) H,0 A -6.898 0.14 0.2 -69 -5.6

(DEAH* OH-) H,0 A 575 N/A 02 58 4

(DEAH* OH-) H,0 B/313K 0 N/A

In K carbamate A*¥ 02616 0.1 80 64

In K carbamate B* -2585 242

* Temperature dependent form for equilibrium constants as given in Table 5.9

Most of the parameters are fit well with low standard deviations.

However, the carbonate parameter again has a high standard deviation, 2 on a tau

basis, as occurred for the MDEA-CO7 system. A conclusion might be to omit this

carbonate parameter. However, its standard deviation is only twice that of the

other B parameters and Table 7.4 illustrates that the carbonate parameter is

correlated with the other parameters. This indicates that the model is sensitive to

it. In addition, all regression cases that were attempted without this parameter

failed to provide a reasonable representation of the data.

The (DEAH* OH+) H,O parameter was set to the same value as used for

the DEA-H>S system to maintain consistency for the zero loading case. The
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temperature dependent parameters of the carbamate equilibrium constant were
also regressed and predicted well with low standard deviations. Comparisons of
the equilibrium constant value are given later.

Tau values for the water-carbamate electrolyte parameters are surprisingly
similar between this work and Austgen, especially considering the different
carbamate equilibrium constants. This work has utilized different parameters for
the regressions than did Austgen. All values listed as “-8 or -4” for Austgen were
set to defaults in his work and not regressed. The other electrolyte parameters
differ significantly from the values obtained by Austgen. However, parameter
correlation allows seemingly different sets of parameter values to predict the same
pressure behavior. Some species concentrations and activity coefficients will be
different, but until independent determinations can be made for these quantities
there is no way to determine which predictions are correct. This further
emphasizes the need for more thermodynamically related data, such as speciation
and pH, to determine model behavior where VLE data is lacking.

Correlation of the parameters for the DEA-CO1 system is given in Table
7.4. The electrolyte model calculates VLE and performs regressions using the tau
values. Therefore, the A and B temperature terms of a parameter are always
highly correlated. This can be seen in the 2/3, 4/5, and 9/10 correlation pairs.
Also note that the carbonate parameter 6 is highly correlated with the second
carbamate parameter. This could be a second reason that the carbonate parameter
has such a high standard deviation. Parameters are also usually correlated highly

with the reversed parameter. Parameter pairs 1/2 and 7/8 show this behavior.
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Table 7.4 Parameter correlation matrix for the DEA-CO2-10.4 parameter set

———

1 2 3 4 5 6 7 8 9 10
1.00
0.66 1.00

080 -098 1.00

-0.13 024 -0.13 1.00

008 -037 029 -098 1.00

027 049 -047 051 -054 1.00

058 037 -049 039 024 -034 1.00

005 004 000 056 -052 074 -072 1.00
020 -038 036 026 -021 036 -045 060 1.00

10§ 0.25 044 -042 023 0.17 -029 039 -047 -098 1.00
Parameter Legend
1 =H,0 (C4+ HCO3") A 6 =(C4t CO57) DEA
2=(C4* HCO3 )H-O A 7 =H,0 (C4* DEACOO")
3=(C4* HCO3  )H,O B 8 =(C4t DEACOO-)H,O
A
B

Nolle LN Ne RV IR VAR S

4 =(C4+* HCO3- ) DEA 9 = In Kcarbamate
5= (C4+ HCO3- ) DEA 10=In Kcarbamate

Wy > > w

Data Fitting

Figure 7.9 compares CO; partial pressures from experiments to
predictions by the electrolyte-NRTL model. Note that the majority of the data is
at loading above 0.1. Very little data exists below 0.01. This lack of data at low
loading is due to difficulty in measuring low CO3 partial pressure and the fact
that industrial absorbers rarely achieve loading below 0.01. The data by Lal et al.
(1995) and Ho and Eguren (1988) seem to be following a trend lower than the
model at low loading. Overall, the VLE data is fit well with an error in partial

pressure predictions of roughly £20%.
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Figure 7.9 Ratio of CO; partial pressures from experiments to model predictions
as a function of CO, loading for the DEA-CQO>-10.4 parameter set.

Other data was simultaneouslz fit.

As in the other regressions, mole fractions are simultaneously fit. Figure
7.10 gives the model comparison to CO; mole fraction. This plot shows an
inverse relationship to figure 7.9 and most of the mole fractions were fit within

+20%.
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Figure 7.10 Ratio of experimental to model predicted CO2 mole fractions as a
function of CO; loading for the DEA-CO2-10.4 parameter set. Other

data was simultaneouslz fit.

Unlike all of the other binary systems, rather than just comparing model
predictions to pH data, we have regressed pH data for the DEA-CO3 system. The
pH data was given the same regression weighting as the VLE data and standard
deviations were set to 0.1 for temperature, O for liquid concentrations and 0.5%
for pH. The data was collected in this work and is given in Table B.8. Figure
7.11 demonstrates that the model has done an excellent job of fitting the

experimental DEA-CO, pH data.
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Figure 7.11 Experimental pH data compared to regressed predictions from the
DEA-CO;-10.4 model as a function of CO2 loading.

7.21 Unregreésed Data

Several VLE data sets for the DEA-CO; system exist that were not
included in our regression. Data sets by Huang and Ng (1995) and Bullin et al.
(1996) were not included mainly because they became available too late in the
time frame of the current work. Another reason for their omission is that these
data sets are not publicly available and would make recreating this work difficult.
Data by Kennard and Meisen (1984) were not included since its temperatures

reached as high as 200°C. Temperatures this high require questionably large
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extrapolations of most of the fundamental equations such as Henry’s and

equilibrium constants.
3 + ] ulnnTTI’ ] . l-rllll ks ‘ lu-liil
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Figure 7.12 CO; partial pressure model fit of DEA-CO data that was not
included in the regression of the “DEA-CO-10.4" parameter set.

Data from Bullin et al. (1996) agree quite well with predictions of this
work in figure 7.12. Huang and Ng (1995) data again show good fit at high
loading, but an upward trend at low loading. Kennard and Meisen data is not fit
well, shows large scatter, and is mostly overpredicted by this model.

Mole fractions were simultaneously fit and the Huang and Ng (1995) data

show as much as a 40% error in figure 7.13. This means that if mole fractions
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were assumed to be error free, partial pressures would be predicted with much less

accuracy in figure 7.12.
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Figure 7.13 Experimental to calculated CO, mole fraction ratio of DEA-CO3 data
that was not included in the regression of the “DEA-CO,-10.4”

par ameter set.

7.2.2 Model Predictions

Partial Pressure

CO>, partial pressures predicted in this work are compared to the model of
Austgen et al. (1989) below in figure 7.14. The models match well at all
temperatures above a CO; loading of 0.1. Below a loading of 0.1, Austgen

predicts higher than this work, with the greatest difference being at high
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temperature and low loading. This is directly related to the lack of VLE data in
that region. Remember that experimental data does not exist much below a CO;
loading of 0.01. Therefore, both curves are model extrapolations at loadings
below 0.01. The difference between the curves results from different temperature

dependencies of the carbamate equilibrium constant and electrolyte parameters.

10 T L R NI | T T v v rrr] T T L S S e -

1000 Austgen et al., 1989
———— This work

100
10

1

0.1
0.01
0.001

0.0001
10 | 30 wt% DEA

Partial Pressure CO2 (kPa)

10‘6 2 to1 a0 oaal L ] gl L Lol L 1 0 21
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Figure 7.14 Calculated CO, partial pressure for two electrolyte-NRTL model
parameter sets for 30 wt% DEA solutions.

The DEA-CO> system is different from the other binary systems in that
CO, partial pressure at low loading is not a function of DEA concentration
(Austgen, 1989). Figure 7.15 shows that below a loading of 0.1, CO3 partial

pressure at 5 to 50 wt% DEA is essentially the same. Above a loading of 0.1, the
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reactions occurring for CO4 absorption shift more towards bicarbonate and partial
pressure becomes a function of DEA concentration. Figure 7.16 plots the partial
pressure in kPa normalized by the DEA acid gas free mole fraction. The curves

have slightly collapsed, but have a larger spread than the other binary systems.
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Figure 7.15 Calculated CO; partial pressure for the DEA-CO2-10.4 electrolyte-
NRTL model at 40°C.
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Figure 7.16 Calculated CO; partial pressure in kPa divided by the acid gas free
DEA mole fraction for the DEA-CO»-10.4 electrolyte-NRTL model

at 40°C.

Speciation

As stated for the DEA-H7S system, solution speciation is an important
result of equilibrium modeling. Rate based mass transfer models require species
concentration to calculate rates of diffusion and therefore the rate of absorption
for acid gases. This is especially important for CO2 absorption where reactions
cannot be considered instantaneous.

In figure 7.17 carbamate equilibrium constant equations of this work

(DEA-CO>-10.4), Austgen et al. (1989), Kent and Eisenberg (1976) and

215



Chakravarty (1985) are compared with two experimentally obtained values. The
comparison in figure 7.17 however, is not thermodynamically consistent. Kent
and Eisenberg (1976) did not have activity coefficients in their model, therefore
_ their equilibrium constant is a concentration based equilibrium constant. The two
experimental references are extrapolated to zero ionic strength where they assume
activity coefficients are all one. This work, Austgen, and Chakravarty represent

the true equilibrium constant at infinite dilution in water.
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Figure 7.17 Carbamate equilibrium constant on the molarity concentration basis

as a function of temperature.

Predictions of mole fraction concentrations for the Austgen model and this

work have been compared to “experimental” data of Haji-Sulaiman et al. (1996).
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Austgen and this work predict very similarly and both match the experimental
data well as seen in figure 7.18. This work and Austgen et al. (1989) predict
slightly less carbamate ions than indicated by the data. However, figure 7.17
shows significantly different carbamate equilibrium constants. This discrepancy
is possible because the activity coefficients in each model compensate for the
different equilibrium constants. The conclusion that is drawn is that when
comparing between models for the DEA-CO, system, predicted concentrations

should be compared and not the carbamate equilibrium constant.
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Figure 7.18 Comparison of concentration predictions from two parameter sets for
the electrolyte-NRTL model to experimental data for 2M DEA at
30°C.
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Liquid phase mole fractions are calculated in a 30 wt% DEA solution at
40°C in figure 7.19. The important feature is that bicarbonate exceeds carbamate
concentration above a loading of 0.25. Other models (Austgen et al. 1989;
Desmukh and Mather, 1981) have predicted that carbamate concentration equals

bicarbonate concentration at a loading of approximately 0.6.
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Figure 7.19 Liquid species concentrations predicted by the DEA-CO»-10.4
electrolyte-NRTL for 30 wt% DEA at 40°C.

Interesting low loading details are lost when DEA-CO, speciation is
plotted linearly versus loading. Figure 7.20 is identical to figure 7.19 with CO,
loading on a log scale. First note that the carbamate and bicarbonate increase

together as a function of loading until approximately 0.1. It is also evident that
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carbonate ions become an important part of the CO5 balance below a loading of
0.01. Also below a loading of 0.001, hydroxide becomes the dominant anion in

30 wt% DEA solutions at 40°C.
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Figure 7.20 Liquid species concentrations predicted by the DEA-CO»-10.4
electrolyte-NRTL for 30 wt% DEA at 40°C plotted on log scale to
show low loading behavior.

Figures 7.19 and 7.21 should be compared to examine the effects of
temperature on speciation. In 30 wt% solutions at 120°C, the molecular CO;
concentration becomes important at loading as low as 0.5. The higher molecular
CO, results in lower ionic strength and bicarbonate concentration. It also

increases the CO» partial pressure which helps to remove CO3 in the stripper.
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Austgen (1989) showed that his model predicted the peak carbamate
concentration to decrease approximately 50% from 40°C to 120°C. This work
predicts that the carbamate speciation is relatively unchanged between 40°C and
120°C. This is possible even with the changing equilibrium constant due to the

temperature dependence of the activity coefficients.
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Figure 7.21 Liquid species concentrations predicted by the DEA-CO,-104
electrolyte-NRTL for 30 wt% DEA at 120°C

Activity Coefficients
Activity coefficient behavior can sometimes help to decipher
dependencies and trends in the model. First notice in figure 7.22 the carbonate

activity coefficient is much more reasonable than for the MDEA-CO; system.
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The (MDEAH* CO3=) MDEA tau value was -2 at 40°C while (DEAH* CO3=)
DEA was -6. A difference of four in the tau value is significant and results in the
high carbonate activity coefficients in MDEA. Since carbonate ions will always
constitute a minor portion of the CO7 balance, accurate determination of its

concentration or activity coefficient will be difficult.
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Figure 7.22 Predicted activity coefficients for 30 wt% DEA 40°C by the DEA-
CO3-10.4 electrolyte-NRTL model.

Heat of Absorption

Heat of absorption predictions are another thermodynamic check upon our
model. As for the other systems, it was calculated from the temperature

derivative of In (pressure) as a function of loading and temperature. The
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predictions at 25, 40, 80, and 120°C were averaged to obtain the solid line in
figure 7.23. The DEA-CO; system shows a very strong loading dependence
which results from the transition from the carbamate to bicarbonate absorption
mechanism. The curves approach the heat of absorption corresponding to

physical absorption of the acid gas.

0 B L T T T v 1 T r ] L] Ll I " il + l R L] ¥ l b L3 ¥ ]
S :
-10 - — — — 40°C ]
~ 20 F |0 3
8 - Average of 25°C-120°C ]
30 B
= C E
£ - .
2 40 F 3
- C ;
= - ]
g 0F E
= o 3
< -60 -
70 E DEA-C02-104 3
30 wt% DEA 1
_80 '-'~'|~ '-l’. L. .I I ! ! | 1 i 2 T ) L 1 3 2]

0 0.2 0.4 0.6 0.8 1 1.2

CO, loading

Figure 7.23 Heat of CO; absorption into 30 wt% DEA calculated from pressure
predictions of the DEA-CO-10.4 electrolyte-NRTL model.

Figure 7.24 compares our average prediction to literature data. Note that
data by Oscarson et al. (1995) is an integral rather than differential heat of

absorption. To properly compare, we have taken discrete heats of absorption from
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0.1 to 1.0 loading and numerically integrated the curve. The resulting dashed line

matches the Oscarson data well.
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Figure 7.24 Heat of absorption of CO; into DEA solutions calculated by this
work from partial pressures compared to integral heat of absorption
calorimetric data.

7.3 MODEL DRIVEN EXPERIMENTS

7.3.1 pH

A few pH experiments have also been performed for the DEA system.
Procedures for preparing the titrant and titrate solutions are the same as listed in
Chapter 6 for MDEA. The first experiment listed in Table 7.5 is a titration of
29 wt% DEA with a 29 wt% DEA solution that was partially neutralized with

223



HCl. Hydrochloric acid is assumed to be analogous to H5S for the purposes of pH

measurements. Temperature was controlled at 40°C using a water bath.

Table 7.5 Experimental conditions for DEA pH titrations

Date Solution Acid free CO, Ildg CO, ldg Acid ldg
Temp. °C amine wt% | before exp. | after exp. | range

DEA

4/24/96 |39.71-40.26 |29.7-29.9 10.00012 0.00019 0-0.013

8/14/96 |23 29.2 N/A N/A 0.2-0.8

Figure 7.25 below compares this experimental data to calculations from
our current DEA-H;S model. This data set is tabulated in Appendix B.7. The
two curves do not include any CO; loading. If a CO; loading of 0.0002 were
added, then the 40°C model would match the data even closer at acid loading less

than 0.01.
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Figure 7.25 HCI titration results at 40°C in 30 wt% DEA compared to predictions
at 25°C and 40°C from the DEA-H2S-6.3 model.

For the DEA-CO> system there were originally significant differences in
the partial pressure predictions between this work and Austgen et al. (1989) at
40°C. Therefore, a titration of a 29 wt% DEA solution was carried out in a
29 wt% DEA solution with a 0.79 CO3 loading. The result shown in figure 7.26
is a pH curve for 29 wt% DEA as a function of CO; loading. It demonstrates that
our best parameter set at that time “DEA-CO0,-10.2” did not agree with pH
predictions while Austgen et al. (1989) did. Therefore, we have regressed this pH
data along with the VLE data to form an improved DEA-CO; parameter set as

described above.
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Figure 7.26 COs, titration results at ambient (~23°C) temperature in 30 wt% DEA
compared to predictions at 25°C from the electrolyte-NRTL model.

7.3.2 Conductivity

Conductivity measurements analogous to the MDEA system have been
performed for DEA. The data and resulting ionic conductivities are reported in
Tables A.1 through A.7. The (DEAH+ OH-) HO parameter reported above was
varied to fit the calculated hydroxide mole fractions from Table 7.6. Only a small
correction was necessary from the previous parameter value and the partial
pressure predictions did not change. Of course, predictions of the hydroxide mole
fraction by this model more closely match the conductivity data than does the

model of Austgen et al. (1989) as shown in Table 7.6.

226



DEAHT diffusivity presented in Table 6.3, which was calculated from the
conductivity data, compares well with literature diffusivity data. The
confirmation of the conductivity data by diffusion coefficient data adds more
certainty to the speciation and predictions at low loadings. It is interesting to note
that DEA has a lower conductivity than MDEA even though its molecular weight
is lower. This is the result of a smaller hydrodynamic radius for MDEA allowing

it to move more freely through aqueous solutions.

Table 7.6 Hydroxide mole fraction in 30 wt% DEA determined from conductivity
experiments compared to model predictions

Conditions Conductivity Austgen model This model
30 wt% 25°C (1.2010.2)E4 222 E-4 1.05E4
30 wt% 40°C (1.14+0.2)E4 2.23 E4 1.20E4
30 wt% 120°C N/A 1.60 E-4 1.44E-4

7.4 DEA-H2S-CO2 SYSTEM

7.4.1 Data Comparisons

A few data sets have been found for the DEA-H3S-CO; system.
Parameters and constants from the DEA-H2S and DEA-CO3 systems have been
combined to form a model for the DEA mixed gas system. Again, it is assumed
that mixed gas predictions can be made without additional regressed parameters.
Figure 7.27 illustrates the fit of total acid gas partial pressure by dividing

experimental values by calculated values.
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Figure 7.27 Total acid gas partial pressure ratio versus total loading calculated
from the electrolyte-NRTL model.

Since these data contain both H3S and COs,, the total acid gas partial
pressure is compared. Data from Bullin et al. (1996) and Lee et al. (1974) are
predicted well as shown in figure 7.27. The Lal et al. (1985) data is mainly at
lower loadings and shows a large scatter at low loading. This is generally
overpredicted by the model. Mole fractions are simultaneously compared to the
model and figure 7.28 shows the typical inverse relationship to figure 7.27. If
mole fractions were not allowed to move, then the error in the pressure data of

figure 7.27 would be even larger.
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Figure 7.28 Calculated/experimental H,S mole fraction versus total loading
calculated from electrolyte-NRTL model.

It is interesting to note that the error in the CO; mole fraction in figure
7.28 follows the opposite trend from the HS mole fraction. This is required
because if both CO7 and H>S mole fraction were increased, then the total pressure
would increase thereby worsening the fit. In general, CO2 mole fraction in figure

7.29 is predicted within 30%.
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Figure 7.29 Calculated/experimental CO7 mole fraction versus total loading
calculated from electrolyte-NRTL model.

7.4.2 Pressure Predictions

The following graphs were calculated from the parameters for the DEA-
H2S-CO; system. They are provided to the reader as a way to extract predictions
from our model without actually having to make calculations using the
electrolyte-NRTL model. Figure 7.30 plots the H3S partial pressure in kPa
divided by the H7S loading. By normalizing partial pressure by the loading, any
mixture of CO; and H>S loading are roughly combined onto a single line. The
normalization works well at 40°C, but the curves exhibit deviations at 120°C

when one acid gas loading is very small as compared to the other. The
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normalization procedure also fails at acid gas loading of 0.5 and higher due to the

presence of dissolved molecular acid gases.
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Figure 7.30 H>S partial pressure in kPa normalized by the H>S loading calculated
from the electrolyte-NRTL model for 30 wt% DEA at 40°C and
120°C.
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CO,, partial pressures also fall onto one line when divided by the CO3
loading at 40°C. Results at a loading of 0.5 and above did not match the other
curves in figure 7.31. Curves for the mixed gases at 120°C also did not quite

collapse when H>S loading greatly exceeded CO; loading.
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Figure 7.31 COj partial pressure in kPa normalized by the CO» loading
calculated from the electrolyte-NRTL model for 30 wt% DEA at
40°C and 120°C.
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7.5 MDEA-DEA MIXED AMINE SYSTEM

Some very enlightening analogies can be made between the MDEA and
DEA systems. Table 7.7 breaks down the important interaction parameters into
sections so that they can be more clearly compared. The first similarity noticed is
the hydroxide parameters. Recall that the (AmineH* OH-) H,O parameter was fit
to hydroxide concentrations obtained from conductivity experiments in this work.
The independently determined tau values for MDEA and DEA are amazingly
similar at -5.6 and -5.75, respectively. The similarity leads to the possibility that
this parameter is general for the alkanolamines and could be applied in
monoethanolamine or diglycolamine systems.

Similarities are also seen in the H7S systems. The (AmineH* HS-) Amine
parameter is also essentially the same for MDEA and DEA. This fact can be
utilized when combining the parameter sets for mixed amine predictions. H0
(AmineH+ HS-) parameters which are unique for each alkanolamine also had
unique tau values.

CO1 systems are more complex, however similarities were also seen in the
amine parameters. Tau values for (AmineH* HCO3-) Amine parameter were
almost identical between the MDEA and DEA versions of the parameter. Note
however, that on the surface, the A and B constituents of the tau would appear
very different. A conclusion drawn from this is that to compare electrolyte-NRTL

parameter sets, the taus and not just the A and B parameters must be examined.
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Table 7.7 Comparison of MDEA and DEA electrolyte parameters

Parameter MDEA DEA
A B Tauat A B Tau at
40°C 40°C
Hydroxide
H>0O (AmineH* OH") 8 0 8 8 0 8
(AmineH* OH-) H,0 -5.6 0 56 | 575 0 -5.8
Amine (AmineH+ OH") 15 0 15 15 0 15
(AmineH* OH-) Amine 8 0 8 3 0 8
H,S
H>0 (AmineH* HS-) 5.00 0 50 | 7.766 0 7.8
(AmineH+ HS") H,0 2625 6487 -24 |-3328 -18 -39
Amine (AmineH* HS") 15 0 15 15 0 15
(AmineH* HS-) Amine 0.0416 -i1436 45 | 4.132 399 54
CO2

H>0 (AmineH+ HCO3") 7.503 0 7.5 2.46 0 2.5
(AmineH* HCO3-) H,O -5.837 695 3.6 | -5408 1182 -1.6
Amine (AmineH* HCO3") 15 0 15 15 0 15
(AmineH* HCO3-) Amine 0.839 2067 -5.8 | 4865 -3432 -6.1
Amine (AmineH* CO3¥) 15 0 15 15 0 15
(AmineH* CO3™) Amine 8 1873 20 8 747  -5.6
H,0 (DEAH+ DEACOO") —_— —_— — | 11.799 0 11.8
(DEAH* DEACOO-) H,0 — — — | -6.898 0 -6.9

Values for the (AmineH* CO3~) Amine parameter are quite different
between MDEA and DEA. Recall in Chapter 6 that the carbonate concentrations
and activity coefficients in MDEA were not credible. Standard deviations on the
MDEA version of this parameter were 1200 compared to 700 for DEA.
Carbonate concentrations also appeared more reasonable with what would be
expected in DEA. Therefore, we have ignored the MDEA value for this
parameter and assumed the DEA value to be adequate. Parameters for the water
interactions are again unique to each alkanolamine. One extra parameter exists in

the DEA-CO3 system because MDEA cannot form the carbamate species.
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Now that the similarities between the MDEA and DEA systems are clearly
seen, that information can be used to improve parameter value selection in the
mixed amine MDEA-DEA systems. Table 7.8 lists the parameter values that have
been selected to represent interactions in the MDEA-DEA systems.

Since the Amine/Hydroxide parameters in the single amine systems were
set to 15 and -8, they have also been set to 15 and -8 for the mixed amine
hydroxide interactions. There might be interactions between the amines at low
loading where hydroxide is present. To quantify this effect, conductivity
experiments should be performed for the mixed amine system to determine if the
hydroxide concentration is being properly predicted.

Only four parameters that might be significant arise in the mixed amine
system. The other parameters which are not listed in Table 7.8 are with sulfide
ions which have negligible concentrations. Therefore, those parameters remained
at default values of 15 and -8 and do not affect model predictions. From the
analogies in Table 7.7 we can set the (AmineH* HS-) Amine parameters to the
average of MDEA and DEA values. MDEA and DEA taus were plotted as a
function of temperature and the average curve between them, tau =-1.73 -1026/T,
is given below in Table 7.8. Therefore, the two resulting tau parameters are all

that are needed for predictions in the MDEA-DEA-H 3S system.
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Table 7.8 MDEA-DEA mixed amine parameters

Parameter A B Tau at
40°C
Hydroxide
MDEA (DEAH* OH) 15 0 15
(DEAH* OH-) MDEA 8 0 8
DEA (MDEAH* OH-) 15 0 15
(MDEAH* OH-) DEA 8 0 8
H,S
MDEA (DEAH* HS>) 15 0 15
(DEAH* HS-) MDEA -1.73 -1026.7 -5.0
DEA (MDEAH* HS") 15 0 15
(MDEAH* HS-) DEA -1.73 -1026.7 -5.0
CO,
MDEA (DEAH* HCO3") 15 0 15
(DEAH* HCO3) MDEA 2.8 -2727 -5.9
DEA (MDEAH* HCOs3") 15 0 15
(MDEAH* HCO3") DEA 2.8 -2727 -5.9
MDEA (DEAH* CO3~) 15 0 J15
(DEAH* CO3=) MDEA 3 747 -5.6
DEA (MDEAH* CO3™) 15 0 15
(MDEAH* CO5=) DEA 3 747 -5.6
MDEA (MDEAH*+ DEACOO") 15 0 15
(MDEAH* DEACOO-) MDEA 2.8 -2727 -5.9
MDEA (DEAH+ DEACOO") 15 0 15
(DEAH* DEACOO-) MDEA 2.8 -2727 -59
DEA (MDEAH* DEACOO") 15 0 15
(MDEAH+ DEACOO-) DEA 2.8 2727 -5.9
H>,0 (MDEAH* DEACOQ") 11.8 0 11.8

Again the CO7 system is seen to be much more complex. As stated
before, errors were noted in the MDEA carbonate predictions. Therefore, mixed

amine carbonate parameters have been set to the values for DEA-CO; of 15 and

236



(-8 +747 / T). Amine-bicarbonate parameters have been set to the average tau
parameters as a function of temperature from MDEA and DEA. The procedure is
the same as used for the bisulfide parameters. Resulting tau parameters of 15 and
(2.8 -2727 / T) are given above in Table 7.8.

It has been assumed that MDEAH* ions behave similarly to DEAH* ions.
Therefore, the HoO (MDEAH* DEACOO-) parameter and its inverse have been
set to the same values obtained for the HO (DEAH+* DEACOQ-) parameters in
Table 7.7. A less direct comparison can be made for the mixed amine-carbamate
parameters. In the DEA-CO; system, the DEA (DEAH* DEACOO-) parameter
and its inverse were set to 15 and -8, respectively. To maintain consistency with
the DEA-CO3 system, this parameter was left at these defaults. However, it was
believed that the other amine permutations of this carbamate parameter were
important. Lacking a non-default analogous parameter, it has been assumed that
the (AmineH+ DEACOQ") ion pair behaves similarly to the (AmineH+ HCO3")
ion pair. Therefore, the other three Aminel (Amine2H* DEACOO-) parameters
have been set to the same taus as given for the bicarbonate-amine interactions.
7.5.1 Data fitting

Now that a parameter set has been compiled for the MDEA-DEA systems,
its predictions are compared to experimental VLE data. No other kind of data
such as pH or heat of absorption were found for the mixed amine systems.
Analysis begins with the MDEA-DEA-H;S system. Only the data of Huang and
Ng (1995) exist for this system. Figure 7.32 illustrates that the model has done an

excellent job fitting the data considering no parameters were regressed upon this
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data. Calculated values are slightly higher than the experimental values at low
loading. However, predictions of this data set were low by a factor of ten when
using the 15 and -8 default values for the bisulfide parameters. Therefore, this
model represents a vast improvement over the Austgen et al. (1991) model, which
used the incorrect default values for the mixed amine H»S systems. If desired, the

bisulfide tau values could be regressed to provide an even better fit of the Huang

and Ng (1995) data.
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Figure 7.32 Ratio of experimental to model predicted H»S partial pressures from
the mixed amine parameter set. Mole fractions were simultaneously

Eredicted.
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Mole fractions are simultaneously predicted in this analysis method and
the deviation is shown in figure 7.33. Mole fractions were predicted well with

less than 15% error versus the experimental values.
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Figure 7.33 Ratio of experimental to model predicted H2S mole fraction from the
mixed amine parameter set. Partial pressures were simultaneously

Eredicted.

As mentioned above, using ambiguous default values for the important
amine mixture parameters can drastically affect model performance. Figure 7.34
compares predictions of the mixed model to MDEA-DEA-CO; data when
parameters from Table 7.8 are set to the 15 and -8 defaults. Predictions above a

loading of 0.1 match the experimental data very well. However, the model
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underpredicts the data by two orders of magnitude at lower loadings. Mole
fraction predictions, which are not shown here, were also wrong by as much as a
factor of 10 at low loading. If mole fractions were assumed to have no error, then

the pressures in figure 7.34 would be low by a factor of 1000 instead 100.
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Figure 7.34 Ratio of experimental to model predicted CO partial pressures from
the electrolyte-NRTL model with default values of 15 and -8 for
mixed amine parameters. Mole fractions were simultaneously

Rredicted.

Proper mixed amine parameters from Table 7.8 were then used to compare
to the MDEA-DEA-CO; data. Figure 7.35 illustrates the vast improvement in
prediction of this data. All of the partial pressure data is now fit within a factor of

three with most of the data being fit within 50%. The experimental data consists
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of DEA/MDEA ratios ranging from 1/20 to 1/1. CO, partial pressure is still
consistently underpredicted by the model with the better mixed amine parameter
set. Therefore, some of the mixed amine parameters could be regressed to better
fit this data. It was not performed in this work in order to properly quantify the
method of parameter selection demonstrated in this work. This technique for
mixed amine parameter selection will likely be applied to systems where no

mixed amine data exist.
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Figure 7.35 Ratio of experimental to model predicted CO2 partial pressures as a
function of H3S loading for the correct parameter set in Table 7.8.

Mole fractions were simultaneously Eredicted.
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Mole fraction of the CO3 is simultaneously predicted and shown in figure
7.36. Mole fractions are shown to be predicted within 20%, where errors as much

as 100% were seen when using incorrect default parameters.
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Figure 7.36 Calculated/experimental CO2 mole fraction versus total loading
calculated from electrolyte-NRTL model to unregressed data.

Only one data source was found that contained all four species of the
MDEA-DEA-CO»-H>S system. Data by Bullin et al. (1996) is compared in
figure 7.37 to model predictions. There were two series of data with H»S loading
being approximately constant at the values indicated in the figure. Note that H;S
constitutes the majority of the acid gas in the two series of data. Therefore,

predictions should be similar to the Huang and Ng (1995) data for
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MDEA-DEA-H>S. Both data sets are overpredicted slightly at low loading by the

model.
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Figure 7.37 Ratio of experimental to model predicted total acid gas partial
pressure as a function of CO loading for the combined parameter

set. Mole fractions were simultaneouslz Eredicted.

7.5.2 Pressure Predictions

Figures 7.38 through 7.41 present the predictions for the MDEA-DEA-
H7S-CO; model created in this work. The reported weight percent of the amines
are based on the total grams of amine and water, neglecting acid gas
concentrations. For example, in 100g of a 40 wt% MDEA/10 wt% DEA solution,
there would be 40g of MDEA, 10g of DEA and 50g of water. Two MDEA/DEA
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mixtures at 40 wt%/10 wt% and 25 wt%/25 wt% have been chosen due to their
industrial significance and the likelihood that their predictions would be
sufficiently different from pure MDEA or DEA to be interesting.

Acid gas partial pressures in kPa are divided by their loading to remove
the first order effect of CO; loading on the H,S partial pressure. This
normalization also reduces the decades shown in the y-axis. This condensation of
the partial pressures allows the effect of several different variables to be illustrated
on a single plot. In a sense, dividing by the loading is also a modeling assumption
on the direct relationship of partial pressure to loading. This assumption breaks
down where CO; loading exceeds H,S loading and at high loadings where
significant concentrations of molecular gases exist. This explains why the curves
are not combined where CO7 exceeds H3S and at 0.5 loading where significant

amounts of acid gases already exist.
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Figure 7.38 H2S partial pressure in kPa divided by the H>S loading at various
constant CO; loadings at 40°C and 120°C in 40 wt% MDEA /
10 wt% DEA.
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Figure 7.39 H,S partial pressure in kPa divided by the H7S loading at various
constant CO3 loadings at 40°C and 120°C in 25 wt% MDEA /
25 wt% DEA.

CO, predictions for the mixed amine systems are very similar to the single
amine, mixed gas predictions. Note the reverse nature of the CO; curves to the
H,S curves in the above figures. While CO; forced the H)S pressure curve
downward in figures 7.38 and 7.39, HS increases the pressure curves in figures
7.40 and 7.41. The curves collapse reasonably well except for CO; loadings of
0.5 and above. These curves would not be expected to normalize well due to the

presence of molecular CO».
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Figure 7.40 CO1 partial pressure in kPa divided by the CO; loading at various
constant HS loadings at 40°C and 120°C in 40 wt% MDEA / 10

wt% DEA.
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Figure 7.41 COj partial pressure in kPa divided by the CO; loading at various
constant H,S loadings at 40°C and 120°C in 25 wt% MDEA / 25
wt% DEA.

One of the main reasons for using an amine mixture is to improve
equilibrium towards CO,. Figure 7.42 demonstrates the strong CO, absorption
ability that DEA adds to an MDEA solution. By adding as little as 10 wt% DEA

into a 50 wt% total amine solution, CO» partial pressure is reduced by a factor of

ten.
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Figure 7.42 CO1 partial pressure normalized by CO» loading for several 50 wt%
amine mixtures at 40°C.

Stripper condition CO; partial pressures are predicted in figure 7.43
below. This curve demonstrates one reason why adding too much DEA to an
MDEA solution should be avoided. Even at 120°C, the CO; partial pressure
remains very low for the DEA/MDEA mixtures and will require more stages and
reboiler steam to regenerate the solvent. Given the above conclusions, care must
be taken in considering all of the factors involved in adding DEA to an existing

MDEA-only gas treating design.
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Figure 7.43 CO; partial pressure normalized by CO; loading for several 50 wt%
amine mixtures at 120°C.

One other concern with DEA mixtures is that DEA has a higher heat of
absorption with CO, than does MDEA. Our model confirms this trend and curves
for heat of absorption in 50 wt% amine solutions and their mixtures are given in
figure 7.44. At acid gas loadings below 0.4, which is where commercial
absorbers operate, DEA significantly increases the heat of absorption with respect
to CO,. As little as 10% DEA increases the heat of absorption from -60 to -80
kJ/gmol CO; at low loading. The DEA heat of absorption curves decrease

quickly above a loading of 0.4 due to the saturation of the carbamate mechanism.
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Figure 7.44 CO heat of absorption in MDEA, DEA and their mixtures as a
function of CO loading and assumed independent of temperature.

Heat of absorption for H2S in mixed amines is more constant, however.
This is because absorption occurs under the same mechanism and all of the same
reactions are involved. MDEA and DEA heats of absorption are not the same due
to a small difference in the heats of reaction of the amines with water. There is
little difference in the heat of absorption for a 40 wt%/10 wt% mixture compared

to a 25 wt%/25 wt% mixture of MDEA and DEA.
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Figure 7.45 H>S heat of absorption in MDEA, DEA and their mixtures as a
function of H5S loading and assumed independent of temperature.

7.6 CONCLUSIONS

DEA-H ;S

Modeling for the DEA-H>S system was relatively trouble free. Using
experience from regressing the MDEA-H»>S system, analogous parameters were
regressed for DEA. Tau values at 40°C for the analogous parameters are similar
between DEA and MDEA in this work. The hydroxide parameters are almost
identical at -5.75 and -5.6 for DEA and MDEA, respectively. The similarity

suggests that the hydroxide parameter used in this work might be general and the
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value could be used for other amine systems. Predictions of partial pressure are
approximately the same as predicted by Austgen et al. (1989), with our model
being adjusted to properly predict hydroxide speciation at low loading.
Predictions of heat of absorption and pH by the DEA-H2S model match
experimental data very well. VLE data was fit well and the standard deviations
on the parameters were low, which leads to high confidence in this parameter set

for the DEA-H5S system.
DEA-CO;

DEA-CO; is the most complex binary system to model. It has all of the
analogous reactions and ionic species of the other binary systems, but in addition
has an unknown carbamate equilibrium constant. Since this equilibrium constant
must be regressed, the resulting values are correlated to the electrolyte parameters
and can only be viewed in light of the total model. It is better to compare
predictions of partial pressure and speciation rather than model parameters when
comparing different DEA-CO2 models.

The carbonate parameter is also not well determined as occurred for the
MDEA-CO; system. Carbonate parameters are correlated with the carbamate
parameters resulting in higher standard deviations. Carbonate concentration is
also uncertain due to its insignificance in the overall CO, balance at the loading
range where VLE data exists. However, unlike the MDEA system, carbonate
activity coefficient predicted by the model is reasonable.

Partial pressures are fit well by this model and agree with Austgen at COy

loadings above 0.1. This work predicts lower partial pressures than Austgen at
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loadings below 0.1 at 80 and 120°C. This is due to the different temperature
dependencies in the carbamate equilibrium constant and the electrolyte-NRTL
parameters. The difference also results from a lack of data in those regions which
constitute extrapolations of the model. The average heat of absorption calculated
from the model matches experimental data extremely well. In addition, the model
is consistent with the hydroxide concentration and pH data measured in this work.
DEA-CO>-H3S

Experimental data that was not regressed has been predicted very well by
the mixed parameter set. Data from Lal et al (1985) at 100°C was not predicted as
well as the others and tended to be overpredicted by this model. Mixed gas total
partial pressure data from Bullin et al. (1996) and Lee et al. (1974) was very well
predicted and the model split the data scatter. This leads to the conclusion that
there were no parameters for the mixture which had any effect on the partial

pressure predictions that were not already determined in the single gas systems.
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MDEA-DEA-CO >-H>S

A method has been demonstrated for judicious selection of parameters and
their values in the mixed amine systems. Unlike the single amine-mixed gas
systems, the mixture parameters in an amine mixture cannot be set to arbitrary
default values. Proper accounting of the interactions of the amines with
carbamate, bicarbonate, carbonate, and bisulfide ions are required to form an
accurate model for loadings below 0.1. Partial pressure predictions above a total
acid gas loading of 0.1 matched experimental data well and appear to be
independent of the mixed parameters.

The model matches experimental H,S data very well without any
parameter adjustments. Austgen et al. (1991) set all of the H>S mixed amine
parameters to values of 15 and -8. These default values result in H»S partial
pressures being underpredicted by a factor of ten at low loading.

CO1, pressures are also predicted well above a loading of 0.1. However, at
loadings below 0.1, the model consistently underpredicts partial pressures by a
factor of two. This is because the parameter values chosen were not optimized to
fit the current data sets. The assumption that bicarbonate interactions are similar
to carbamate interactions might also be a source of error.

Austgen (1989) set all of the CO, parameters to the 15 and -8 defaults and
regressed the H20 (MDEAH* DEACOQ") parameters to fit his mixed amine CO2
data. However, his data was at high loadings so the degree that these parameters
helped to fit the data is uncertain and the standard deviations on them were

relatively large.



CO partial pressures in MDEA solutions are greatly decreased by the
addition of DEA. In addition, the high heat of absorption of DEA with CO,
quickly increases heat of absorption of an amine mixture. As little as 2 wt% DEA
in a 50 wt% amine solution will result in noticeable differences in the equilibrium
partial pressures and heats of absorption with COj.

The method for determination of mixed amine parameters and their values
is completely general. This technique can easily be applied to other amine
mixtures for which VLE data might not exist. Many of the interactions noted also
appear to be independent of the amine. Therefore, it is conceivable that this
technique could be applied to modeling of similar alkanolamine solutions for

which no VLE data exists in a purely predictive way.
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Chapter 8: Conclusions and Recommendations

8.1 CONCLUSIONS

In order to better understand behavior in acid gas treating systems that are
based on aqueous alkanolamine solutions an equilibrium model is needed.
Therefore, the goal of this work was to obtain a thermodynamically consistent
model which matches experimental VLE data in addition to predicting with
confidence conditions where VLE data is non-existent or inaccurate. In the

process of creating this equilibrium model many things were learned.

1) Binary alkanolamine-water systems are highly non-ideal.

Many existing equilibrium models incorrectly assume ideal behavior for
the binary amine water systems. Heat of mixing was measured for MEA-H 20,
MDEA-H,0 and DEA-H>O systems and was shown to be large. Heat of mixing
is directly related to the temperature dependence of the activity coefficients,
therefore the amine systems are non-ideal. Heat of mixing from largest to

smallest values is MDEA>SMEA>DEA.

2) Total pressure data is insufficient for proper modeling of binary amine-water
systems.

Total pressure of amine-water solutions is dominated by the water vapor
pressure due to the low volatility of the alkanolamines. This results in

experimental data which is not sensitive to the amine activity coefficient and
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therefore is poor data for creation of a model. Freezing point depression and heat
of mixing data have been regressed with total pressure data to form the best

models of the amine-water systems to date.

3) A simple VLE model can be used to quickly compare data.

A simple model was developed in this work and regressed upon
experimental VLE data. Using the model, experimental data sets that were far
from the norm were identified with minimal effort. The model works well for all
of the single amine systems studied except for DEA-CO7 and has comparable
partial pressure predictions to more complex models. CO; partial pressures in
DEA are independent of amine concentration at low loading, but the model
assumes a direct dependence upon amine concentration over the entire loading

range.

4) Accurate low loading predictions cannot be based upon VLE data alone.

VLE data has the greatest errors at low loadings where experimental
techniques have been pushed to the lower detection limits. Therefore, pH and
conductivity data were measured to supplement the VLE data.

- Conductivity is directly related to ionic concentrations and was used to
determine hydroxide concentrations in unloaded amine-water solutions.
Hydroxide ions are an important species below a loading of 0.001 and
significantly affect VLE predictions in this range.

- pH data is accurate over the entire loading range and can be regressed

simultaneously with VLE data. These data also serve as a thermodynamic check
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of the model and of discrepant VLE data sets. pH data and predictions in this
work also have applications in process control and laboratory work where pH can

be an indirect measure of acid gas loading.

5) The electrolyte-NRTL model is an appropriate structure for representing acid
gas vapor-liquid equilibria.

The model is thermodynamically consistent and its implementation in
Aspen Plus™ is versatile. Predictions can be made anywhere on the continuum
from pure water and amines to the mixed amine-mixed acid gas systems. One
drawback is an inconsistency in Aspen Plus’™ activity coefficient reference state
for Henry’s Law components. The activity coefficients at infinite dilution are a
function of the acid gas loading. This is unexpected since the concentration of all
of the species associated with a Henry’s component are defined to be zero at
infinite dilution conditions. This difference mainly affects activity coefficients
and calculated speciation at acid gas loadings above 0.5 and does not affect

calculated partial pressures at acid gas loadings below 0.8.

6) Interactions of the amines with salts are necessary for accurate modeling of the
solution thermodynamics.

Mole fraction concentrations of the amines are normally less than 15% of the total
solution. Therefore, one might assume that the interactions with water are more
important than with the amine. However, it is the difference between the water
and amine interactions that is needed for modeling solution behavior. From that

standpoint, the water parameters, amine parameters or both could be regressed.
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The amine parameters, however, have a greater power to affect the model because

they are further away from their reference state than is water.

7) Ionic concentrations are difficult to predict accurately from the model for CO,
systems.

Carbonate parameters were regressed in this work, but the lack of
sensitivity of the data to carbonate concentrations resulted in poorly predicted
parameters. Carbamate speciation in the DEA-CO; system is also of great
interest. Unfortunately, the equilibrium constant is not well known and must be
regressed upon experimental VLE data. This results in the carbamate equilibrium
constant being correlated with all of the other parameters that were
simultaneously regressed. Therefore, simple comparisons of values of the
carbamate equilibrium constant are not appropriate. For DEA-CO; models,
predicted ionic concentrations, pH and partial pressures should be compared

rather than model parameters.

8) Predictions for single amine-mixed acid systems can be made by combining
parameters from the single amine-single acid gas systems.

No significant parameters arise in the mixed acid gas system. The only
parameters that were not already included in the single gas systems involve the
molecular acid gases. Since molecular acid gas concentrations are very small,
these parameters have no power to affect model predictions and any reasonable
default value will suffice. Partial pressure data for the MDEA-H>S-CO3 and
DEA-H;S-CO; systems are predicted well by this model. The good fit not only
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confirms the above assumption but also serves to further confirm predictions for

the single amine-single acid gas systems.

9) Accurate predictions for mixed amine systems cannot be made with arbitrary
default values for the mixed amine parameters.

Predictions above a loading of 0.1 appear to be independent of the mixed
amine parameter values. However, at acid gas loadings below 0.1, without
intelligent amine mixture parameters, experimental data was underpredicted by as
much as a factor of 100. Mixed amine parameters involving carbonate,
carbamate, bicarbonate and bisulfide ions were found to be very important for
accurate model predictions. Comparison of analogous parameters between
MDEA and DEA systems leads to better choices for mixed amine parameter
values. This procedure can be used for other mixed amine systems to improve

low loading predictions even in the absence of mixed amine data.

8.2 RECOMMENDATIONS

8.2.1 Speciation Experiments

Activity coefficients and species concentrations are by definition
correlated in the activities of the equilibrium constants. Without accurate
knowledge of one of them, independent values for the pair cannot be obtained
from regression of experimental data. However, with direct measurement of
species concentrations this correlation can be broken and the parameters will be

more accurately determined.
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Titration experiments with hydroxide can be performed in the carbamate
forming systems. A preloaded solution is titrated to a high pH with base. The
protonated amine and bicarbonate are titrated, but the carbamate species is
assumed to be unaffected. The carbamate concentration can be determined by
subtracting the bicarbonate concentration from the total CO; loading obtained

from a separate measurement.
8.2.2 pH Experiments

pH experiments were only made at temperatures below 40°C. The
usefulness of the data could be expanded by taking measurements up to 100°C,
which is the upper temperature limit for most pH probes. This data could
subsequently be used to further refine model predictions at high temperatures
where VLE data is less abundant. Because pH data is related to activity of the
hydronium ion, it also suffers from correlation and is not as powerful of a
regression tool as speciation data would be.

pH data is, however, a useful tool due to its direct relationship with acid
gas loading. The pH of a solution could be measured directly to determine acid
loading instead of taking a sample and performing a time consuming liquid
analysis. pH might not be a good measure of loading in an industrial process
stream where significant amounts of salts or other contaminants affect the

measured pH.
8.2.3 Conductivity Experiments

The conductivity probe used in this work was rated only up to 50°C.

Therefore, extracting a temperature dependence of the hydroxide concentration
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was not possible within the error of the data. However, conductivity probes exist
which work at temperatures up to 100°C. A new probe could be used to better
determine the temperature dependence of the hydroxide concentration and
therefore low loading predictions.

Experiments could also be expanded as a function of amine concentration
and amine mixtures. Measurements as a function of amine concentration will
allow confirmation of hydroxide predictions as the amine concentration
approaches zero. Experiments in mixed amines will allow determination of the
mixed amine hydroxide parameters. The assumption in this work that these

parameters are not needed might also be confirmed.
8.2.4 Aspen Plus™ Activity Coefficient Normalization

The reference state for Henry’s constants as implemented by Aspen Plus™
should be further studied. An independent FORTRAN code should be developed
to quantify the effect this discrepancy has on high loading predictions. Once a
model is constructed, parameters for the electrolyte-NRTL model will have to be
re-regressed under the new framework. A conclusion might be that the error is
not very significant. If the error is significant, a provision can be added stating

that the model should not be used above some specified loading.
8.2.5 Regress N20 Solubility data

Data for the physical solubility of N,O in the amine-water solutions exists
in the literature. From analogy the physical solubility of CO; in amine-water

solutions can be obtained. In this work, only the solubility of CO; in water was
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explicitly accounted for. Binary parameters of the model should regressed with

this data to improve predictions of molecular CO5 concentration.
8.2.6 Modeling Other Mixed Amine Systems

The procedures for obtaining good choices for the mixed amine
parameters should be applied to other industrially significant mixtures such as
MDEA-MEA and MDEA-DGA. Predictions might be made by simply assuming
that DEA behaves like MEA and DGA and by using the identical parameter set.
Of course, primary data such as equilibrium constants and physical properties of
the amine to be modeled would have to be used. This theory can be tested for the

MEA system for which some mixed amine data exists.
8.3 SUMMARY

Overall, a thermodynamically sound model has been constructed for the
alkanolamine-acid gas systems. Partial pressure data are shown to be accurately
predicted by the model. This work also represents the best prediction to date of
low loading conditions due to the conductivity data utilized and the careful
parameter choices made for the mixed amine systems. Model predictions have
been augmented using thermodynamically related data such as heat of absorption,
pH, conductivity and speciation. Standard deviations and correlation matrices are
given for the parameters to help determine model accuracy and sensitivities. By
combining knowledge of all aspects of the solution the model does not only
predict partial pressures, but presents a complete thermodynamic picture of acid

gas loaded, aqueous alkanolamine solutions.
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Appendix A : Tabular Conductivity Data

Table A.1. Conductivity measurements

Temp., °C  Conductance, Conductivity,| Temp.,°C Conductance, Conductivity,
millimhos mmho/cm millimhos mmho/cm
49 w1% MDEA #1, CO; 1dg = 0.00018 49 wt% MDEA #2
2493 0.0519 0.0565 285 0.0634 0.0690
30 0.062 0.0675 30 0.0622 0.0677
35 0.0768 0.0836 35 0.0719 0.0782
385 0.0874 0.0951 375 0.0795 0.0865
395 0.09 0.0979 39 0.0847 0.0922
40 0.0911 0.0991 40 0.0887 0.0965
24.5 wt% MDEA 1 wt% MDEA
25.71 0214 0.233 235 0.1176 0.1279
30 0245 0.267 255 0.118 0.1284
34 0.266 0.289 30 0.1395 0.1518
38 0313 0341 35 0.1582 0.1721
40 0.326 0355 375 0.1698 0.1847
39 0.1768 0.1924
40 0.1824 0.1985
0.1M KCl in 49wt% MDEA 0.58 wt% MDEA
24.65 1.834 2.00 2429 0.101 0.110
30 1.974 2.15 26.09 0.1045 0.1137
35 2.6 2.83 30 0.1171 0.1274
40 3.04 3.31 35 0.1354 0.1473
40.05 0.1529 0.1664
0.1M HCl in DI water 0.1 M HCl in 49 wt% MDEA
235 38.8 4221 23.7 0.796 0.8660
25 39.5 4298 25 0.805 0.8758
30 4438 48.74 30 0.884 09618
35 47 51.14 35 1.12 1.2186
375 485 52.77 375 1238 1.3469
385 49 5331 39 1.314 1.4296
395 49.6 53.96 40 1.37 1.4906
40 49.9 54.29
0.1021 M KOH in DI water #1 0.1M KOH in 49wt% MDEA
24 22 24.15 238 2.08 226
25.65 23 25.02 25 223 243
40 28.4 30.90 30 247 2.69
0.102 M KOH in DI water # 2 35 3.02 329
2395 19.1 20.8 375 335 3.64
25 19.7 214 39 357 3.88
30 214 233 40 3.65 3.97
35 23.1 25.1
40.15 24.7 26.9

Cell Constant = [.088 1/cm
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Table A.2. Conductivity measurements-continued

Temp., °C  Conductance, Conductivity,| Temp.,°C  Conductance, Conductivity,
millimhos mmho/cm millimhos mmbho/cm
0.1 M NaHCOj3 in DI water 0.01 M NaHCO3 in DI water
228 63 6.85 224 0.721 0.784
25 6.58 7.16 25 0.781 0.850
30 7.62 829 30 0.884 0.962
35 840 9.14 35 0973 1.059
375 8.80 957 375 1.018 1.108
39 9.04 9.84 39 1.044 1.136
40 9.20 10.01 40 1.067 1.161
0.001M NaHCO3 in DI water 0.0001 M NaHCO3 in DI water
225 0.0851 0.0926 23 0.0115 0.0125
25 0.0911 0.0991 25 0.0119 0.0129
30 0.1047 0.1139 30 0.0137 0.0149
35 0.1153 0.1254 35 0.0155 0.0169
375 0.1208 0.1314 375 0.0164 0.0178
39 0.1238 0.1347 39 0.0171 0.0186
40 0.1264 0.1375 40 0.0176 0.0191
0.1 M K2C03 in DI water 0.01 M K2QO3 in DI water
224 15.1 16.4 24 1.90 2.07
25 16.1 17.5 25 2.03 221
30 183 19.9 30 235 2.56
35 19.9 21.7 35 258 2.81
375 20.7 225 375 2.70 294
39 212 23.1 39 21 3.01
40 21.5 234 40 2.82 3.07
0.001 M K2CO3 in DI water 0.0001 M K2Q03 in DI water
225 0.236 0.257 24 0.0242 0.0263
25 0.256 0.279 25 0.0253 0.0275
30 0.295 0.321 30 0.0302 0.0329
35 0.326 0.355 35 0.0335 0.0364
375 0.341 0.371 375 0.0349 0.0380
39 0.350 0.381 39 0.0358 0.0390
40 0.356 0.387 40 0.0363 0.0395
DI water 6/19
2262 0.002 0.0022
39.92 0.0041 0.0045
DI water 7/10
222 0.0018 0.0020
DI water 7/27
21.94 0.00155

Cell Constant = 1.088 1/cm
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Table A.3. Conductivity measurements-continued

Temp., °C Conductance, Conductivity, | Temp., °C Conductance, Conductivity,
millimhos mmbho/cm millimhos mmho/cm
48.5 wt% (4.06 M) MDEA 1/10 0.406 M MDEA
HCl Idg=1.04 (4.215 M) , 0.00028 M CO2 0.4215 M HCI, 0.000072 M CO2
21.8 58.7 639 25 254 27.6
25 59.7 65.0 25 26.8 292
30 67.1 73.0 30 305 332
35 75 81.6 35 335 364
375 79.7 86.7 375 35.1 382
39 82.6 89.9 39 358 39.0
40 85.1 92.6 40 36.4 39.6
1/100 0.0406 M MDEA 1/1000 0.004 M MDEA
0.04215 M HCI1 0.0042 M HCl
26 3.60 392 2.1 0.39 0424
25 3.81 415 25 0.405 0441
30 434 472 30 0.468 0509
35 4.75 5.17 35 0.516 0.561
375 499 543 375 0.540 0.588
39 5.10 555 39 0.554 0.603
40 5.18 5.64 40 0.565 0.615
1/106000 0.0004 M MDEA
0.00042 M HCl1
22 0.0432 0.0470
25 0.0480 0.0522
30 0.0537 0.0584
35 0.0592 0.0644
375 0.0619 0.0673
39 0.0635 0.0691
40 0.0645 0.0702

Cell Constant = 1.088 1/cm
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Table A.4. Conductivity measurements-continued

Temp., °C  Conductance, Conductivity, | Temp.,°C  Conductance, Conductivity,
millimhos mmho/cm millimhos mmho/cm
0.1 M KCl in 29.2 wt% DEA 0.1 M K2CO3 in 29.2 wt% DEA
2223 447 486 22.56 5.88 6.40
25 4383 526 25 6.64 722
30 5.47 595 30 728 792
35 6.11 6.65 35 8.05 8.76
38 6.73 732 40 9.15 9.96
40 7.05 7.67 38 8.78 9.55
29.2 wt% DEA, CO2 1dg=0.00014 36 845 9.19
22.56 0261 0.284 35 8.16 8.88
25 0290 0316 28 6.83 743
30 0329 0358 0.1 M NaHCO3- in 29.2 wt% DEA
35 0376 0.409 22.17 3.03 330
39 0414 0.450 2495 327 356
40 0428 0.466 30 3.84 4.18
34 0.370 0.403 35 423 4,60
32 0.348 0379 38 444 483
29.6 0.321 0.349 40 452 492
0.1 M KOH in 29.2 wt% DEA 4030 444 *4.83
CO2 1dg =0.0003
22 551 599
25 5.66 6.16
30 6.79 7.39
35 7.63 830
375 8.12 8.83
39 843 9.17
40 8.72 9.49

Cell Constant = 1.088 1/cm. *Solution appeared to be losing CO2.
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Table A.5. Conductivity measurements-continued

Temp., °C  Conductance, Conductivity,| Temp.,°C  Conductance, Conductivity,
millimhos mmho/cm millimhos mmho/cm
29 wt% (2.839 M) DEA 1/10 0284 M DEA
HCI Idg=1.013 (2.874 M) , 0.0002 M CO2 0.287 M HCl, 0.00014 M CO2

22 79.6 86.6 222 18.4 20.0
25 81.7 889 25 19.3 21.0
30 91.6 99.7 30 22 24.1
35 101.1 110.0 35 244 2717

375 105.6 1149 375 255 283
39 109.4 119.0 39 260 28.8
40 113.0 122.9 40 26.5

1/100 0.0284 M DEA 1/1000 0.0028 M DEA
0.0287 M HCI 0.0029 M HCl1

23 228 248 25 0.232 0252
25 237 2.58 25 0.256 0279
30 2.69 293 30 0292 0318
35 296 322 35 0.321 0.349

375 3.10 3.37 375 0335 0.364
39 3.17 345 39 0.343 0.373
40 3.23 3.51 40 0.350 0.381

1/10,000 0.00028 M DEA 1/50,000 5.68E-5M DEA
0.00029 M HCl1 5.74E-5 M HC1

22 0.0266 0.0289 23.7 0.00818 0.00890
25 0.0282 0.0307 25 0.00838 0.00912
30 0.0331 0.0360 30 0.00975 0.0106
35 0.0365 0.0397 35 0.01081 0.0118

375 0.0382 0.0416 375 0.01134 0.0123
39 0.0391 0.0425 39 0.01162 0.0126
40 0.0399 0.0434 40 0.01178 0.0128

Cell Constant = 1.088 I/cm

Table A.6. Specific Ionic Conductivities at infinite dilution in water

(mho-cm”3) / (cm-mol) (mho-cm*3) / (cm-mol)
25°C 40°C 25°C 40°C
K+ 735 HCO3" 445 *57.9
Cl- 76.4 *99.0 5= 138.6
OH- 199.1 *257 MEAHT 422
gt 349.6 *444 MDEAH+ *50.9 *72.2
Nat 50.10 DEAHT *30 *40

Most of the 25°C values were taken from Atkins, P., Physical Chemistry 3rd ed. and
CRC Handbook Ist Student ed. * These values obtained by experiments and calculations in this
work.
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Table A.7. Specific Ionic Conductivities of ions in water, DEA and MDEA

Specific ionic conductivity
(mho-cm”3)/(cm-mol)

Ton Paired Temp. Concentration 292 wt% 49 wt%

ion °C mol / Liter Water DEA MDEA
Kt Ccr 25 0.1 63.1 25.8 9.98
K+ cr 40 0.1 82.0 37.6 16.25
cr Kt 25 01 655 26.8 104
cr Kt 40 0.1 85.0 39.1 16.85
OH- Kt 25 0.1 1509 35.8 § 143
OH- Kt 40 0.1 187 573 § 23.5
OH- Kt 25 00 479 28
OH- Kt 40 00 76 51
H+ Cl- 25 0.1 351.6
H+ Cl- 40 0.1 4439
Ck- H+ 25 0.1 78.4
CL- H+ 40 0.1 99.0
05" Kt 25 0.1 § 19.6
003" Kt 40 0.1 § 2275
MDEAH* CI 25 0.1 §3.5
MDEAH* CI 40 0.1 §6.3
MDEAH* CI 25 0.0004 509 8
MDEAH* CI 40 0.0004 722 144
cr MDEAH+¥ 25 0.1 §53
Cr MDEAH* 40 0.1 §8.9
DEAHt cr 25 0.1 6
DEAHt cr 40 0.1 9.2
DEAH* Cl- 25 0.000 30 12.3
DEAHt cr 40 0.000 40 16.6

§ Ionic association could be occurring which reduces the measured conductivity.
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Appendix B: Tabular pH Data

Table B.1 Experimental pH data for MDEA neutralized with hydrochloric acid.

21296 2/12/96  Continued
HCl pH acid free Temp HC1 pH acid free  Temp

Loading MDEA °C Loading MDEA °C
wt% wi%
0.0020229 11.575 48.7 approx. | 0.052596 9.9680 475

22

0.0040458  11.142 48.7 0.054619 9.9520 475
0.0060687  10.961 48.6 0.056642 9.9360 475
0.0080916  10.772 48.6 0.058665 9.9210 474
0.010115 10.674 485 0.062710 9.8900 473
0.014160 10.565 484 0.064733 9.8750 473
0.016183 10.480 484 0.066756 9.8620 472
0.018206 10.430 48.3 0.068779 9.8480 472
0.020229 10.388 433 0.070802 9.8310 47.1
0.022252 10.345 483 0.072825 9.8160 47.1
0.026298 10.274 48.2 0.074848 9.8100 470
0.028321 10.243 48.1 0.076871 9.7980 47.0
0.030344 10.202 48.1 0.078894 9.7790 47.0
0.032367 10.188 48.0 0.080917 9.7690 46.9
0.034390 10.145 48.0 0.082939 9.7580 46.9
0.036412 10.120 479 0.084962 9.7470 46.8
0.038435 10.099 479 0.086985 9.7350 46.8
0.040458 10.089 47.8 0.089008 9.7250 46.7
0.042481 10.058 478 0.091031 9.7160 46.7
0.044504 10.039 47.7 0.093054 9.7060 46.6
0.046527 10.023 4717 0.095077 9.6950 46.6
0.048550 10.004 47.6 0.097100 9.6850 46.6
0.099123 9.6750 46.5
0.10115 9.6660 46.5

0.10317 9.6570 46.4 28
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Table B.2 Experimental pH data for MDEA neutralized with hydrochloric acid.

2/16/96 2/16/96  continued
HCl pH acid free  Temp HCl pH acid free  Temp
Loading MDEA °C Loading MDEA °C
wit% wit%

9.9127e-05 11.851 48.8 ~22°C | 0.0040642 11.052 46.9
0.00019825 11.819 487 0.0041633 11.042 46.9
0.00029738 11.794 487 0.0042624 11.032 46.8
0.00039651  11.753 48.6 0.0043616 11.021 46.8
0.00059476 11.696 485 0.0044607 11.010 46.8
0.00069389 11.645 485 0.0045598 11.006 46.7
0.00079301 11.615 485 0.004659 10.995 46.7
0.00099127 11.553 484 0.0047581 10.987 46.6
0.0010904 11.520 483 0.0048572 10.978 46.6
0.0011895  11.493 483 0.0049563 10.970 46.5
0.0012886  11.480 482 0.0051546 10.956 46.4
0.0013878  11.453 482 0.0052537 10.948 46.4
0.0014869  11.428 48.1 0.0053528 10.941 46.4

0.001586  11.404 48.1 0.005452 10.936 46.3
0.0016851  11.382 480 0.0055511 10.928 46.3
0.0017843  11.359 48.0 0.0057493 10910 46.2
0.0018834  11.347 479 0.0058485 10.904 46.1
0.0019825  11.321 479 0.0059476 10.898 46.1
0.0020817  11.308 478 0.0061458 10.883 46.0
0.0021808  11.289 478 0.006245 10.879 46.0
0.0022799  11.270 417 0.0063441 10.872 459

0.002379  11.260 477 0.0064432 10.862 459
0.0024782  11.242 477 0.0065424 10.857 45.8
0.0025773  11.235 476 0.0066415 10.852 458
0.0026764  11.220 476 0.0067406 10.846 458
0.0027755 11.204 475 0.0068397 10.839 45.7
0.0028747 11.190 475 0.0069389 10.832 457 ~22°C
0.0029738  11.180 474
0.0030729  11.167 474

0.003172  11.152 473
0.0032712  11.139 473
0.0033703  11.125 472
0.0034694  11.119 472
0.0035686  11.100 472
0.0036677 11.094 47.1
0.0038659  11.076 47.0
0.0039651  11.058 470
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Table B.3 Experimental pH data for 49 wt% MDEA titrated with a partially
neutralized 49 wt% MDEA-HCI solution.

22196 22196  Continued
HCl pH acid free Temp HC pH acid free  Temp

Loading MDEA °C Loading MDEA °C
wt% wit%

0.01226 10.656 48.95 ~22°C | 051109 8.923 4898

0.01468 10.577 48.95 0.55300 8.863 4899

0.01710 10.524 48.95 0.60076 8.795 4899

0.01952 10.46 48.95 0.64405 8.732 4899

0.02192 10.415 48.95 0.64405 8.76 48.99

0.02432 10.384 48.95 0.68347 8.704 49.00

0.02909 10.324 48.95 0.71951 8.637 49.00

0.03146 1028 48.95 0.75260 8.574 49.00

0.03383 10.244 48.95 0.78308 8.513 49.00

0.03854 10.183 48.95 0.80024 8.48 49.00

0.04088 10.176 48.95 0.82714 8.425 49.01

0.04322 10.143 48.95 0.85212 8.372 49.01

0.04555 10.124 48.95 0.87538 8.315 49.01

0.04787 10.093 48.95 0.89708 8.259 49.01

0.05249 10.054 48.95 0.90536 8.236 4901

0.05709 10.013 48.95 0.92514 8.178 4901

0.06165 9.989 48.96 0.94370 8.116 49.01

0.07294 9913 48.96 096114 8.052 49.01

0.08406 9.849 48.96 0.96783 8.028 49.01

0.09501 9.799 48.96 0.97013 8.021 49.01 ~22°C

0.10579 9.748 48.96

0.11641 9.704 48.96

0.12688 9.665 48.96

0.13719 9.634 48.96

0.15736 9.578 48.96

0.17695 9.525 48.96

0.19599 9475 48.96

0.23250 9.391 48.97

0.26706 9.319 48.97

0.29982 9.257 48.97

0.33092 9.202 48.97

0.37471 9.128 48.98

0.44099 9.024 48.98
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Table B.4 Experimental pH data for 49 wt% MDEA titrated with a partially

neutralized 49 wt% MDEA-HCI solution.

3/25/96
HCI pH acid free Temp HCl pH acid free =~ Temp
Loading MDEA C Loading MDEA °C
wt% wt%
3.4479E-05 11615 48.94
6.8842E-05 11.596 48.94
0.00010309 11.578 4894
0.00018821 11.553 48.94
0.00027262 11532 48.94
0.00035633  11.438 48.94 25.53
0.00043935 11417 48.93
0.00052169 11.394 4893
0.00060336  11.383 48.93
0.0007647 11.336 48.93
0.00092345 11.298 4893 25.66
0.00107966 11.28 4893
0.0012334 11.243 4893
0.00138472  11.209 48.92 25.66
0.00153368 11.18 4892
0.00168034  11.137 48.92 25.67
0.00182475 11.111 48.92
0.00196695  11.086 48.92 25.68
0.00224496  11.043 4891
0.00251475  11.003 48.91 25.67
0.00277667 10973 4891
0.00303107 10.953 43.90 25.67
0.00339926 10916 48.90 25.68
0.00375224  10.893 48.90
0.00420081  10.843 48.89
0.00452177 10.817 48.89
0.00483033 10.792 48.88 25.67
0.00522365 10.762 48.88 25.70
0.0055977 10.735 48.88
0.00604026  10.709 48.87
0.00645727  10.687 48.87 25.63
0.00685089  10.659 48.86
0.00715023 10.64 48.86
0.00750643 10.62 48.85 25.60
0.0078441 10.602 48.85
0.00816465  10.589 48.85 25.59
0.00846935 10.57 48.84
0.00875935  10.558 48.84
0.00903569  10.546 48.84 25.57
0.00929931  10.534 48.83
0.00955107  10.523 48.83
0.00974447  10.518 48.83 25.60
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Table B.5 Experimental pH data for 49 wt% MDEA titrated with a partially

neutralized 49 wt% MDEA-HCI solution.

3/27/96 3/27/96  Continued
HCI pH acidfree  Temp HCl1 pH acid free Temp
Loading MDEA °C Loading MDEA °C
wi% wto

0.00015731 11.28 4895 39.67 | 0.0050475 10.444 48.94 40.09
0.00034299 11211 4895 39.67 | 0.00522766 10.425 48.94 40.05
0.00046493  11.156 4895 3948 | 0.00540377 10415 48.94 40.00
0.00061534  11.083 4895 39.54 | 0.00557596 10.403 48.94 40.03
0.00076355  11.043 4895 39.88 | 0.00590908 10.379 4894 40.03
0.0009096 11 4895 39.88 | 0.006228 10.357 4894 39.97
0.00105355 10.963 4895 39.88 | 0.00653362 10.336 48.94 39.98
0.00119544  10.926 4895 39.87 | 0.00682674 10316 4894 40.03
0.00133531  10.894 48.94 39.82 | 0.00710812 10.299 4894 40.05
0.0014732 10.857 4894 4005 | 0.00737844 10283 4894 40.12
0.00160917 10.822 48.94 4031 | 0.00765109 10.273 4894 4025
0.00174324  10.794 4894 4046 | 0.00788845 10.261 4894 40.03
0.00187546  10.768 4894 40.55 | 0.00812926 10.252 48.94 40.03
0.00200586  10.747 48.94 40.60 | 0.00836131 10242 48.94 40.02
0.00213448  10.727 4894 40.65 | 0.00858506 10.231 48.94 40.18
0.00226137  10.728 4894 40.63 | 0.00890606 10217 48.94 40.03
0.00238654  10.712 4894 4055 | 0.00921073 10.203 4894 3995
0.00251005  10.703 4894 4048 | 0.00950027 10.188 4894 40.10
0.00263191  10.693 4894 40.42 | 0.00977578  10.176 4894 39.99
0.00275217  10.688 4894 40.39 | 0.01003826 10.163 4894 40.12
0.00287085  10.676 4894 40.34 | 0.01024769  10.156 48.94 40.10
0.00298799  10.662 4894 4029 | 001048856  10.149 48.94 40.09
0.00310361  10.647 4894 40.25 | 0.01064317 10.144 4894 40.20
0.00321775  10.632 4894 40.20
0.00333043  10.619 4894 40.19
0.00344169  10.606 4894 40.17
0.00355154  10.592 4894 40.18
0.00376714  10.568 4894 40.10
0.00387293  10.558 4894 40.10
0.00408065  10.538 4894 40.02
0.00428336  10.515 4894 40.07
0.00448123  10.495 4894 40.12
0.00467444  10.477 4894 40.00
0.00486314 10.46 4894 40.00
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Table B.6 Experimental pH data for 49 wt% MDEA titrated with a partially

neutralized 49 wt% MDEA-HCI solution.

4/5/96 4/5/96 continued
HCl pH acid free  Temp HC1 pH acid free  Temp
Loading MDEA C Loading MDEA °C
wt% wt%

0.00150524 10929 4896 40.16 | 0.05028862  9.515 48.96 4027
0.00208844  10.665 48.96 40.14 | 0.05199239  9.501 48.96 4047
0.0044501 10.49 48.96 40.12 | 0.05365885  9.488 48.96 40.48
0.00589067  10.369 48.96 40.08 | 0.0552892 9477 48.96 40.40
0.00731061 10285 4896 40.05 | 0.05844619 9455 48.96 40.23
0.00871035  10.215 48.96 40.06 | 0.06147209 9435 48.96 40.06
0.01009033  10.156 48.96 40.00 | 0.06437488 9417 48.96 40.11
0.01145097 10.106 48.96 40.00 | 0.06716194 9401 48.96 40.02
0.01279265  10.062 48.96 39.98 | 0.06984004  9.386 48.96 40.00
0.01411579  10.021 48.96 40.06 | 0.07241545 9372 48.96 40.00
0.01542076 9981 48.96 40.34 | 0.07489398 9359 48.96 40.00
0.01670793  9.947 48.96 40.66 | 0.07728097  9.347 48.96 40.00
0.01797766 9919 48.96 4096 | 0.07958143 9.335 48.96 40.04
0.01923031  9.887 48.96 41.15 | 0.08179996  9.326 48.96 40.00
0.02046622  9.864 4896 41.12 | 0.08394086  9.316 48.96 40.00
0.02168572  9.842 48.96 41.02 | 0.08600815  9.307 48.96 40.00
0.02288913  9.824 48.96 4093 | 0.08800554  9.298 48.96 40.02
0.02407678  9.804 48.96 40.83 | 0.09087817 9289 48.96 39.97
0.02524897  9.785 48.96 40.72 | 0.09361215 9.287 48.96 39.97
0.02640599  9.767 48.96 40.63 | 0.09621729 927 48.97 40.22
0.02754815  9.751 48.96 40.55 | 0.0987025 9.258 48.97 40.16
0.02867573  9.736 48.96 4049 | 0.10029669 9251 48.97 40.14
0.03088824  9.707 48.96 40.36
0.03304566  9.682 48.96 40.25
0.03515002 9.66 48.96 40.17
0.03720325  9.639 48.96 40.18
0.0392072 9.617 48.96 40.22
0.04116362  9.597 48.96 40.20
0.04326278  9.577 48.96 40.22
0.04494047  9.561 48.96 40.26
0.04676402  9.545 48.96 40.32

0.04854628

9.529

48.96 40.29
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Table B.7 Experimental pH data for 29.68 wt% DEA titrated with a partially

neutralized 29.95 wt% DEA-HCI solution.

4124196
HCI Loading pH acid free  Temp HCI pH acidfree  Temp
DEAwt% _ °C Loading DEA wt% °C
0 11.195 29.68 39.93
0.00072211 11.115 29.69 39.76
0.0008962 11.092 29.69 39.76
0.00106784 11.073 29.70 39.76
0.00140391 11.033 29.70 39.75
0.00173074 11 29.71 39.69
0.0020487 10.964 29.71 39.75
0.00235814 10.934 29.71 39.79
0.0026594 10.909 29.72 39.82
0.0029528 10.882 2972 39.89
0.00323865 10.862 29.73 39.89
0.00351723 10.836 29.73 40
0.00378882 10.816 29.73 39.97
0.00405367 10.8 2974 39.93
0.00456415 10.776 29.74 39.8
0.00505052 10.75 29.75 39.84
0.00551444 10.732 29.76 39.77
0.00595743 10.719 29.76 39.711
0.00638088 10.693 29.77 39.82
0.00678605 10.666 29.77 35.83
0.0071741 10.639 29.78 39.89
0.00754609 10.616 29.78 40
0.00807609 10.585 29.79 40.04
0.00857511 10.554 29.80 40.07
0.0090458 10.533 29.81 3.984
0.0094905 10.507 29.81 40.01
0.0099113 10.491 29.82 39.83
0.01031009 10472 29.82 39.98
0.01068854 10.457 29.83 39.97
0.01104818 10.442 29.833 39.86
0.01139037 10.429 29.84 39.83
0.01171634 10.417 29.84 39.83
0.01202724 10.404 29.85 39.94
0.01242006 10.389 29.85 39.88
0.01269958 10.376 29.86 40.04
0.0129671 10.362 29.86 40.26
0.01322336 10.354 29.86 40.14
0.01346907 10.346 29.87 40.05
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Table B.8 Experimental pH and conductivity data for 29.2 wt% DEA neutralized

with CO3.
8/14/96 8/14/96 Continued
co2 pH  Conductivity, Temp co2 pH Conductivity, Temp
Loading millimho/cm __ °C Loading millimho/cm c
0.787 7907 232 2213 0.399 9.268 12.6 2347
0.768 7.991 230 2232 0.389 9.293 12.3 23.49
0.750 8.060 24 2249 0.380 9317 12.1 235
0.732 8.145 22 2268 0.371 9.340 11.8 2351
0.732 8.107 21.7 2251 0.362 9.361 115 235
0.716 8.193 214 2268 0354 9.382 11.3 2351
0.700 8.275 212 2282 0346 9.402 11.1 23.51
0.685 8.340 210 2296 0.339 9.420 109 235
0.670 8.409 20.7 23.09 0339 9.419 10.7 23.56
0.656 8.466 203 23.19 0332 9.438 10.5 23.59
0.643 8.522 200 2331 0325 9.456 10.3 23.61
0.630 8.568 19.7 23.39 0315 9.479 10.0 23.62
0.618 8.613 19.4 2345 0.315 9.479 9.92 23.31
0.606 8.653 19.0 2352 0.309 9.495 9.62 2325
0.594 8.693 18.7 23.55 0.303 9.510 9.44 2321
0.583 8.730 18.4 23.54 0.297 9.525 9.37 23.16
0.573 8.765 18.1 2355 0.292 9.538 9.22 23.13
0.562 8.795 17.7 2358 0.286 9.552 9.07 23.09
0.553 8.825 174 23.59 0.281 9.565 8.83 23.06
0.543 8.857 17.1 236 0.276 9.578 8.70 23.05
0.534 8.885 16.9 236 0272 9.590 8.56 23.02
0.525 8.910 16.5 23.59 0269 9.596 8.50 2298
0.516 8.940 162 2359 0.265 9.608 8.37 2296
0.508 8.967 16.0 23.58 0260 9.619 8.25 2293
0.500 8.990 15.7 23.56 0258 9.624 8.17 2291
0.492 9.015 154 2354
0.485 9.035 15.1 2345
0.477 9.056 14.9 2341
0.470 9.077 147 2338
0.470 9.072 14.6 2332
0.463 9.095 144 2331
0.457 9.113 14.1 23.32
0.450 9.131 13.9 2333
0.444 9.149 13.8 2335
0.438 9.165 13.6 23.36
0.432 9.180 13.4 234
0.426 9.195 133 2342
0.420 9.210 132 2343
0.409 9.241 12.8 2346
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Table B.9 Experimental pH and conductivity data for 49 wt% MDEA neutralized

with CO>.
8/19/96
Cco2 pH  Conductivity, Temp co2 pH Conductivity, Temp
Loading millimho/cm °C Loading millimho/cm °C

0.0001 11.723 0.0499 233
0.0017 11.301 0.0727 23.06
0.0032 11.082 0.1076 2292
0.0047  10.948 0.1426 22.82
0.0062  10.853 0.1755 2275
0.0077  10.777 0.2088 22,65
0.0091 10.73 0.238 22.54
0.0105  10.683 0.265 2248
0.0119  10.634 0.296 2246
0.0145  10.545 0.349 224
0.0171 10485 0.400 2236
0.0196  10.432 0.452 22.34
0.0220 10.391 0.492 2236
0.0266  10.323 0.586 22.37
0.0308  10.265 0.668 22.36
0.0368  10.195 0.774 2234
0.0421 10.144 0.862 2232
0.0471  10.103 0.950 2231
0.0516 10.07 1.024 2229
0.0558  10.037 1.087 2232
0.0597 10.011 1.154 2235
0.0632 9.988 1.214 2237
0.0659 9.972 1.260 224




Appendix C: Activity Coefficient Equations for Electrolyte-
NRTL Equation

C.1 PITZER-DEBYE-HUCKEL

Solvent:
(pdb* 1000 L’
In = 2(— )P Ay —2— (C.1)
® Mo (1+pI2)
Ionic Species:
2
Pl o ( 1000y {2% )
nYy; = - m‘ Ay (—p—-—ln(l*l-plx )
2,12 3R
(22 10% - 217%)
12X} (C.2)
(1+pL")
C.2 BORN CORRECTION
2
o0 e2 H.,1 1

(C3)
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C.3 NONRANDOM TERMS

Molecular Species:
. ; X; Gim Tim
R M
" % Xk Gkm
2 Xk Gk’ Tk’
o Y, XkGim % X G
X %G ( % Xk Gkea'c Tkeac
+ 2 Z Bd fcdmede (g -
c a Z, Xa % Xk Gxcac e % Xk Gke.ac
a
X X.G ( % Xk Gkaca 1:ka.c'ca)
+2 z c' aJImac'a T , _ (C4)
a ¢ 2 Xer Z Xk Gkaca e 2 Xk Gkaca
c" k k
Cations:

% Xk Gxc.a'c Tkeac

1 TL Xa
Zh N = 2 3
Z ¢ a Z Xy % Xk Gke.ac

al’

ZXkamTlun
. ZXmka Tkm _k

m %Xkam %Xkam

% Xk Gkac'a Tkaca

+Z z Xe  XaGeaca (Tca,c'a )

(C.5)
a ¢ Z X % Xk Geaca % Xk Gkaca
c 1]
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Anions:
z Xk Gkaca Tkaca

1 TL X k

-—'lnYNR = c

Zo 2 ; ;Zxc ZXkaa.c'a
c"

Z Xk Gkm Tkm
Xmka Tkm ( Tam -

2 Xk Gim

Z Xk Gkm

2 Xk Gkc.a'c Tkealc

+ zz Xa' XcGacac ( Tacac -

z Xa" z Xk Gaca'c 2 Xg Gicac
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Appendix D: Aspen Plus™ Input File for
MDEA-DEA-H3S-CO3 System

TGS

TITLE 'MDEA-DEA-H20-CO2-H2S SYSTEM'

DESCRIPTION FITTING PARAMETERS OF THE ELECTROLYTE-NRTL
EQUATION FOR MDEA-DEA-H20-CO2-H2S USING SYSOP1SM'

; This file was generated under contract to the Gas Research Institute, Contract
:No. 5092-260-2495. This file is also copyrighted, 1996 by Mark L. Posey and
;Gary T. Rochelle. It may not be duplicated or distributed in any way without
;express written permission. All rights are reserved.

IN-UNITS SI TEMP=C PRES=N/SQM'
RUN-CONTROL MAX-TIME = 200000

COMPONENTS H20 H20/H30+ H30+/OH- OH-/ &
MDEA/C5+/ &
DEA C4H11NO2-1/C4+/RHNCOO-/ &
CO2 CO2/HCO3- HCO3-/C0O3-2 CO3-2/ &
H2S H2S/HS- HS-/S-2 S-2/

HENRY-COMPS LIST1 CO2 H2S

PROPERTIES SYSOP15M CHEMISTRY=FINALMODEL &
HENRY-COMPS=LIST1 TRUE-COMPS=1

DATABANKS AQUEOUS

CHEMISTRY FINALMODEL
PARAM KBASIS=MOLEFRAC ;K IS MOLE FRACTION BASED

STOIC 1 H20-2/H30+ 1/OH-1
K-STOIC 1 132.899 -13445.9 -22.4773 0 ;MAUER

STOIC 2 C5+-1/H20 -1/ MDEA 1/ H30+ 1
K-STOIC 2 -56.2 -4044.8 7.848 0 ;POSEY

STOIC 3 C4+-1/H20 -1/ DEA 1/H30+ 1
K-STOIC 3 -9.4 -64570.81 0 ;POSEY

STOIC 4 RHNCOO- -1/ H20 -1/DEA 1/ HCO3- 1
K-STOIC 4 0.2616 -2585 0 O ;Posey 10.4

STOIC 5 CO2 -1/ H20 -2/ H30+ 1/ HCO3- 1
K-STOIC 5 231.465 -12092.1 -36.7816 0 ;EDWARDS ET AL.
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STOIC 6 HCO3--1/H20 -1/H30+ 1/ CO3-2 1
K-STOIC 6 216.049 -12431.7 -35.4819 0 ;EDWARDS ET AL.

STOIC 7 H2S -1/H20 -1/H30+ 1/ HS- 1
K-STOIC 7 214.582 -12995.4 -33.5471 0 ;EDWARDS ET AL.

STOIC 8 HS--1/H20-1/H30+1/S-21
K-STOIC 8 -32.0-3338.0 00 ;GIGGENBACHET AL

; PURE MOLECULAR PHYSICAL PROPERTIES
PROP-DATA
IN-UNITS SI

: HENRY'S CONSTANT FOR ACID GASES IN H20

PROP-LIST HENRY

BPVAL CO2 H20 110.034525 -6789.04 -11.4519 -0.010454 273 500
:POSEY

BPVAL H2S H20 18.1937 -2808.5 2.5629 -0.01868 273 423
;LEE&MATHER 1977

COMP-LIST H20 CO2

CVAL VLBROC 1 10.0464 0.0956
COMP-LIST H20 H2S

CVAL VLBROC 1 10.0464 0.0887

; DIELECTRIC CONSTANT OF MDEA, MEASURED BY MARCIA
;MIDDLETON AT THE UNIVERSITY OF TEXAS

; DIELECTRIC CONSTANT OF DEA, FROM IKADA ET AL., BULL. INST.
;CHEM. RES., KYOTO UNIV., VOL46. NOS, 1968

PROP-LIST CPDIEC

PVAL MDEA 24.76 8989.31 273.15

PVAL DEA 28.01 9277.0 273.15

; VAPOR PRESSURES

; H20 TAKEN FROM THE DIPPR DATA BANKS

; DEA TAKEN FROM THE DIPPR DATA BANKS

; MDEA INTTIALLY TAKEN FROM DATA OF UNION CARBIDE AND

;DOW WEIGHTED EQUALLY - FITTED BY DMA

PROP-LIST PLXANT
PVAL H20 7.255D1 -7.2067D3 0 0 -7.1385D0 4.0460D-6 2.0 273 650
PVAL MDEA 26.137 -7.5885D3 00000 393 513 ;POSEY/AUSTGEN
PVAL C5+ -.1D360000000.2D4
PVAL DEA 2.8601D2 -2.036D4 0 0 -4.0422D1 3.2378D-2 1.0 301.15 542.04
PVAL C4+ -.1D360000000.2D4
PVAL RHNCOO- -.1D360000000 .2D4

284



; CHARGE - ION TYPE - MOLECULAR WEIGHT
PROP-LIST CHARGE/IONTYP/MW
PVAL C5+ +1D0/ +1D0/ 120.17
PVAL C4+ +1D0/ +1D0/ 106.144
PVAL RHNCOO- -1D0/ 3D0/ 148.14

; IDEAL GAS HEAT CAPACITY OF UNKNOWN IONS
PROP-LIST CPIG
PVAL C5+ 208D5000000 .2D4.1D36 .1D36 .1D36
PVAL C4+ 208D5000000 .2D4.1D36 .1D36 .1D36
PVAL RHNCOO- .208D5000000.2D4 .1D36 .1D36 .1D36

PROP-LIST MW/TC/PC/VC/ZC/OMEGA/TB
PVAL MDEA 119.16/677.79/3.8761D+6/0.39300/0.192/1.2418/520.35
PVAL DEA 105.136/715.00/3.2700D+6/0.34900/0.192/1.0463/542.04

PROP-LIST DHFORM/DGFORM
PVAL MDEA -3.9688D+8/-2.1408D+8
PVAL DEA -3.9688D+8/-2.1408D+8

; MDEA FROM XIAO PENG
PROP-LIST CPIG
PVAL MDEA 4.91723D4 5.59457D2 -3.13382D-1 1.10180D4 &
000 0.2D4 0.1D36 0.1D36 0.1D36
PROP-LIST CPIGDP
PVAL DEA 6.8900D+4 4.5680D+5 1.8500D+2 8.0920D-1 0 100 900

; DELTA H VAPOR - LIQUID FOR WATSON MODEL
PROP-LIST DHVLWT
PVAL MDEA 6.18132D7 293.150.3800

; DIPPR PARAMETERS
PROP-LIST DHVLDP
PVAL MDEA 1.0340D+8 3.3300D-10 00 301.15 542.04
PVAL DEA 1.0340D+8 3.3300D-1 00 0 301.15 542.04

COMP-LIST DEA
CVAL THRSWT 131/
41/
71
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; MOLECULE-MOLECULE INTERACTION PARAMETERS

; OF THE ELEC-NRTL MODEL
PROP-LIST GMELCA / GMELCB / GMELCM
BPVAL H20 CO2 10.064 /-3268.135/ 0.20 ;INSERT SOUR
BPVAL CO2H20 10.064 /-3268.135/ 0.20 ;INSERT SOUR
BPVAL H2OH2S -3.674 /11559 / 0.20 ;INSERT SOUR
BPVAL H2S H20 -3.674 /11559 [/ 0.20 ;INSERT SOUR
BPVALCO2H2S 0.0 / 00 / 0.20
BPVALH2SCO2 00 / 00 /0.20

BPVAL H2OMDEA 9473 /-1902.4 / 0.20 ;POSEY
BPVAL MDEA H20 -2.173 / -147.4 / 0.20 ;POSEY
BPVALMDEACO2 00 / 0.0 /020
BPVAL CO2MDEA 0.0 / 0.0 /020
BPVALMDEAH2S 00 / 0.0 /020
BPVAL H2SMDEA 00 / 00 / 020

BPVAL H2ODEA 4.172 / 175.1 / 0.20 ;POSEY
BPVAL DEA H20 -1.579 / -546.4 / 0.20 ;POSEY
BPVALDEACO2 00 / 0.0 /0.20
BPVALCO2DEA 00 / 0.0 / 0.20
BPVALDEAH2S 00 / 0.0 /020
BPVALH2SDEA 00 / 00 /0.20

BPVALMDEADEA 00 / 0.0 /020
BPVALDEAMDEA 00 / 0.0 /020

; MOLECULE-ION PAIR INTERACTION PARAMETERS OF THE
; ELECTROLYTE- NRTL MODEL

PROP-LIST GMELCC / GMELCD / GMELCN
; H20
PPVAL H20 (H30+ OH-) 8 / 07/ 02
PPVAL (H30+ OH-) H20 4 / 0/ 02
; H2HO-MDEA
PPVAL H20 (C5+ OH-) 8 / 0/ 02
PPVAL (C5+ OH-) H20 -56 / 0/ 02;MDEA 7.13/6.5
PPVAL MDEA (C5+ OH-) 15 / 0/ 0.1
PPVAL (C5+ OH-) MDEA 8 / 0/ 0.1
PPVAL MDEA (H30+OH-) 15 / 0 / 0.1
PPVAL (H30+OH-)MDEA -8 / 0 / 0.1
; H20-DEA
PPVAL H20 (C4+ OH-) 8 / 0/ 02
PPVAL (C4+ OH-) H20 -5.75/ 0 / 0.2;DEA 10.4/6.3
PPVAL DEA (C4+ OH-) 15 / 0/ 0.1
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PPVAL (C4+ OH-) DEA 8/
PPVAL DEA (H30+OH-) 15 /
PPVAL (H30+OH-)DEA -8 /

; H20-CO2

PPVAL H20 (H30+ HCO3-) 8
PPVAL (H30+HCO3-)H20 4
PPVAL H20 (H30+CO3-2) 8

PPVAL (H30+CO3-2)H20 4

PPVAL CO2 (H30+HCO3-) 15
PPVAL (H30+HCO3-)CO2 -8
PPVAL CO2 (H30+CO03-2) 15 /
PPVAL (H30+CO3-2)CO2 -8 /
PPVAL CO2 (H30+ OH-) 15 7/
PPVAL (H30+ OH-) CO2 -8/

; H20-H2S

PPVAL H20 (H30+ HS-)
PPVAL (H30+ HS-) H20
PPVAL H20 (H30+ S-2)
PPVAL (H30+ S-2) H20
PPVAL H2S (H30+ HS-)
PPVAL (H30+ HS-) H2S
PPVAL H2S (H30+ S-2)

PPVAL (H30+ S-2) H2S

PPVAL H2S (H30+ OH-)
PPVAL (H30+ OH-) H2S
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; MDEA-CO2
PPVAL H20 (C5+HCO3-) 7503/ 0 / 0.2 ;MDEA-CO27.13
PPVAL (C5+ HCO3-)H20 -5.837 / 695 / 0.2 ;MDEA-CO27.13
PPVAL H20 (C5+ CO3-2) 8 / 0/ 02

PPVAL (C5+ CO3-2) H20 4 / 0/ 02
PPVAL MDEA (C5+HCO03-) 15 / 0 / 0.1
PPVAL (C5+ HCO3-) MDEA 0.839 /-2067 / 0.1 ;MDEA-CO27.13
PPVAL MDEA (C5+CO03-2) 15 / 0 / 0.1
PPVAL (C5+CO3-2) MDEA -8 / 1873 / 0.1;MDEA-CO27.13
PPVAL MDEA (H30+HCO3-) 15 / 0 / 0.
PPVAL (H30+HCO3-)MDEA -8 / O / 0.1
PPVAL MDEA (H30+CO03-2) 15 / 0 / 0.1
PPVAL (H30+CO3-2)MDEA -8 / 0 / 0.1
PPVAL CO2 (C5+HCO3-) 15 /7 0/ 01
PPVAL (C5+ HCO3-) CO2 -8 / 0/ 01
PPVAL CO2 (C5+ CO3-2) 1S /7 0/ 0.1
PPVAL (C5+ CO03-2) CO2 -8 /7 07/ 01
PPVAL CO2 (C5+ OH-) 15 /7 07 0.1
PPVAL (C5+ OH-) CO2 -8 /7 0/ 01
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; MDEA-H2S
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PPVAL H20 (C5+ HS-) 500 / 0 / 0.2 ;MDEA-H2S 6.5
PPVAL (C5+HS-)H20  -2.625 / 64.87/ 0.2 ;MDEA-H2S 6.5
PPVAL H20 (C5+S-2) 8 / 0/ 02
PPVAL (C5+S-2) H20 4 / 07/ 02
PPVAL MDEA (C5+ HS-) 15 / 07/ 0.1
PPVAL (C5+HS-) MDEA 0.0416/-1436 / 0.1 ;MDEA-H2S 6.5
PPVAL MDEA (C5+ S-2) 15 / 0/ 0.1
PPVAL (C5+S-2) MDEA 8 / 07/ 01
PPVAL MDEA (H30+HS-) 15 / 0 / 0.1
PPVAL (H30+HS-)MDEA -8 / 0 / 0.1
PPVAL MDEA (H30+S-2) 15 / 0 / 0.
PPVAL (H30+S-2)MDEA -8 / 0 / 0.1
PPVAL H2S (C5+ HS-) 15 / 07/ 0.1
PPVAL (C5+HS-) H2S -8/ 07/ 01
PPVAL H2S (C5+S-2) 15 /7 0/ 01
PPVAL (C5+ S-2) H2S -8 / 07/ 0.1
PPVAL H2S (C5+ OH-) 15 / 0/ 0.1
PPVAL (C5+ OH-) H2S 8/ 0/ 01
; MDEA-CO2-H2S
PPVAL CO2 (C5+ HS-) 15 / 0/ 0.1
PPVAL (C5+ HS-) CO2 -8/ 07/ 0.1
PPVAL CO2 (C5+ S-2) 15 / 0/ 01
PPVAL (C5+S-2) CO2 -8 / 07/ 01
PPVAL H2S (C5+HCO3-) 15 / 0 / 0.1
PPVAL (C5+HCO3-)H2S -8 / 0 / 0.1
PPVAL H2S (C5+C0O3-2) 15 / 0 / 0.1
PPVAL (C5+CO3-2)H2S -8 / 0 / 0.1
; DEA-CO2
PPVAL H20 (C4+HCO3-) 246 / 0 [/ 0.2;DEA 104
PPVAL (C4+HCO3-)H20 -5408 / 1182 / 0.2;DEA 104
PPVAL H20 (C4+ CO3-2) 8 / 0/ 02
PPVAL (C4+CO3-2)H20 4 / 0/ 02
PPVAL H20 (C4+RHNCOO-) 11.799 / 0 / 0.2;DEA 104
PPVAL (C4+RHNCOO-)H20 -6.898 / 0 / 0.2;DEA 104
PPVAL H20 (H30+RHNCOO-) 8 / 0 / 02
PPVAL (H30+RHNCOO-)H20 4 / 0 / 02
PPVAL DEA (C4+ HCO3-) 15 / 0/ 01
PPVAL (C4+HCO3-) DEA 4.865 [/ -3432/ 0.1 ;.DEA 104
PPVAL DEA (C4+ CO3-2) 15 /7 0/ 0.1
PPVAL (C4+ CO3-2) DEA -8 [/ 747 / 0.1 ;DEA 10.4
PPVAL DEA (C4+RHNCOO-) 15 / 0 / 0.1
PPVAL (C4+RHNCOO-)DEA -8 / 0 / 0.1
PPVAL DEA (H30+ HCO3-) 15 /7 0/ 0.1



PPVAL (H30+ HCO3-) DEA
PPVAL DEA (H30+ CQO3-2)
PPVAL (H30+ CO3-2) DEA

PPVAL DEA (H30+ RHNCOO-)
PPVAL (H30+ RHNCOO-) DEA

PPVAL CO2 (C4+ HCO3-)
PPVAL (C4+ HCO3-) CO2
PPVAL CO2 (C4+ CO3-2)
PPVAL (C4+ CO3-2) CO2

PPVAL CO2 (C4+ RHNCOO-)
PPVAL (C4+ RHNCOO-) CO2

PPVAL CO2 (C4+ OH-)
PPVAL (C4+ OH-) CO2

PPVAL CO2 (H30+ RHNCOO-)
PPVAL (H30+ RHNCOO-) CO2

; DEA-H2S

PPVAL H20 (C4+ HS-)
PPVAL (C4+ HS-) H20
PPVAL H20 (C4+S-2)
PPVAL (C4+ S-2) H20
PPVAL DEA (C4+ HS-)
PPVAL (C4+ HS-) DEA
PPVAL DEA (C4+S-2)
PPVAL (C4+ S-2) DEA
PPVAL DEA (H30+ HS-)
PPVAL (H30+ HS-) DEA
PPVAL DEA (H30+ S-2)
PPVAL (H30+ S-2) DEA
PPVAL H2S (C4+ HS-)
PPVAL (C4+ HS-) H2S
PPVAL H2S (C4+ S-2)
PPVAL (C4+ S-2) H2S
PPVAL H2S (C4+ OH-)
PPVAL (C4+ OH-) H2S

; DEA-CO2-H2S
PPVAL CO2 (C4+ HS-)
PPVAL (C4+ HS-) CO2
PPVAL CO2 (C4+ S-2)
PPVAL (C4+ S-2) CO2
PPVAL H2S (C4+ HCO3-)
PPVAL (C4+ HCO3-) H2S
PPVAL H2S (C4+ CO3-2)
PPVAL (C4+ CO3-2) H2S

PPVAL H2S (C4+ RHNCOO-)
PPVAL (C4+ RHNCOO-) H2S

-8 / 0/ 0.1
15 / 07/ 01
-8/ 0/ 01
15 / 07/ 0.1
8 / 0/ 01
15 / 07/ 01
-8 / 0/ 01
15 /7 07/ 0.1
8 /7 0/ 01
15 /7 0/ 01
-8 / 0/ 01
15 /7 07 01
-8 / 01/ 01
IS5 7 0/ 0.1
-8 / 07/ 0.1
7.766 / 0 / 0.2;DEA-H2S 6.3
-3.328 /-185 / 0.2 ;DEA-H2S 6.3
8 / 0/ 02
4 / 0/ 02
157 07/ 01
-4.132 /-399 / 0.1 ;DEA-H2S 6.3
15 /7 07/ 0.1
-8 /7 0/ 01
15 / 0/ 01
-8 / 07/ 01
15 / 07/ 01
-8 / 07/ 01
15 7 07 01
-8 / 07/ 01
15 /7 0 /7 0.1
-8/ 0/ 01
15 / 07/ 01
-8 / 0/ 01
15 / 0/ 0.1
8 /7 01701
15 /7 0/ 0.1
8 /7 07/ 01
15 /7 0/ 0.1
8 / 0/ 01
15 /7 07/ 0.1
8 / 0/ 01
15 /7 0701
-8 / 01/ 01
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PPVAL H2S (H30+RHNCOO-) 15 /
PPVAL (H30+RHNCOO-)H2S -8 /

; MDEA-DEA

PPVAL MDEA (C4+OH-) 15 /
PPVAL (C4+OH-)MDEA -8 /
PPVAL DEA (C5+OH-) 15 7/
PPVAL (C5+ OH-) DEA 8/

; MDEA-DEA-CO2

PPVAL H20O (C5+RHNCOO-) 11.8
PPVAL (C5+RHNCOO-)H20 -6.9
PPVAL MDEA (C5+ RHNCOO-) 15
PPVAL (C5+ RHNCOO-) MDEA 2.8
PPVAL MDEA (C4+ HCO3-) 1
PPVAL (C4+ HCO3-) MDEA 2.8
PPVAL MDEA (C4+ CO3-2) 1
PPVAL (C4+ CO3-2) MDEA -
PPVAL MDEA (C4+ RHNCOO-) 1
PPVAL (C4+ RHNCOO-) MDEA 2
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PPVAL (H30+ RHNCOO-) MDEA -8
PPVAL DEA (C5+ HCO3-) 15
PPVAL (C5+ HCO3-) DEA 2.8
PPVAL DEA (C5+ CO3-2) 15
PPVAL (C5+ CO3-2) DEA -8
PPVAL DEA (C5+ RHNCOO-) 15
PPVAL (C5+ RHNCOO-)DEA 2.8
PPVAL CO2 (C5+ RHNCOO-) 15
PPVAL (C5+ RHNCOO-) CO2 -8
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; MDEA-DEA-H2S

PPVAL MDEA (C4+ HS-) 15 7 0/
PPVAL (C4+HS-)MDEA -1.73 /1026.7/
PPVAL MDEA (C4+ S-2) 15 7 0/ 0.1
PPVAL (C4+ S-2) MDEA 8 /7 07/ 01
PPVAL DEA (C5+HS-) 15 /7 0/ 0.1
PPVAL (C5+HS-)DEA  -1.73 /1026
PPVAL DEA (C5+S-2) 15 /7 0/
PPVAL (C5+ S-2) DEA -8 /7 0/

0.1
0.1

77 0.1
0.1
0.1

; MDEA-DEA-CO2-H2S

PPVAL H2S (C5+RHNCOO-) 15 / 0 / 0.1
PPVAL (C5+ RHNCOO-)H2S -8 / 0 / 0.1
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; CO2-H2S
PPVAL CO2 (H30+ HS-) 157 07/ 0.
PPVAL (H30+ HS-) CO2 8 /7 0/0
PPVAL CO2 (H30+ S-2) 157 070
PPVAL (H30+ S-2) CO2 8/ 0/0

PPVAL H2S (H30+HCO3-) 15 / 0/ 0.1
PPVAL (H30+HCO3-)H2S -8 / 0/ 0.1
PPVAL H2S (H30+CO3-2) 15 / 0/ 0.1
PPVAL (H30+CO3-2)H2S -8 / 0 / 0.1

; SET SALT-SALT BINARY INTERACTION PARAMETERS TO DEFAULT
:OF 0. This includes CO?2 salts with H2S salts.

PROP-SET PROP1 MOLEFRAC PHASE=L COMPS=MDEA C5+ DEA C4+ &
H20 OH- H30+
PROP-SET PROP2 MOLEFRAC PHASE=L COMPS=H2S HS- S-2 CO2 &
HCO3- CO3-2 RHNCOO-
PROP-SET PROP3 GAMMA PHASE=L COMPS=MDEA C5+ DEA C4+ &
H20 OH- H30+
PROP-SET PROP4 GAMMA PHASE=L COMPS=H2S HS- S-2 CO2 &
HCO3- CO3-2 RHNCOO-
PROP-SET PROPS PRES
PROP-SET PROP6 MOLEFRAC PHASE=V COMPS=H2S CO2 H20

;Example TGS table format

PROP-TABLE TABLE1 FLASHCURVE
MOLE-FLOW H20 0.8658 / MDEA 0.1046 / DEA 0.0296 / H2S 0.001342
; H2S Loading = 0.01
STATE TEMP=40 VFRAC=0.001
VARY MOLEFRAC COMP=CO2
RANGE LIST=0.000092 0.000105 0.000118 0.000131 0.000263 0.000394 &
0.000525 0.000657 0.000788 0.000919 0.001050 0.001182 &
0.001313 0.001970 0.002626 0.003283 0.003939 0.004596 &
0.005252 0.005909 0.006565 0.007222 0.007878 0.008535 &
0.009191 0.009848 0.010504 0.011160 0.011817 0.012474 &
0.013130 0.019695 0.026260 0.032825 0.039390 0.045955 &
0.052520 0.059085 0.065650 0.072215 0.078780 0.085345 &
0.091910 0.098475 0.105040 0.111605 0.118170 0.124735
TABULATE '40/10 WT% 40C, 0.01 H2S' PROPERTIES=PROP1 PROP2 &
PROP3 PROP4 PROPS5 PROP6
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