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ABSTRACT 

Significant opportunity exists for the application of supercritical fluid (SCF) 
technology to coal processing, both for pretreatment of high sulfur coals, as well as 
liquefaction and treatment of coal liquids. Supercritical fluids are attractive 
solvents for a variety of coal processing applications because of their unusual 
solvating and mass transfer properties. Solubility studies have been carried out for 
a number of model coal and coal-liquid compounds, primarily in pure 
supercritical fluids. We have extended this database of model coal compound 
equilibria using modern techniques that have the advantage of being much more 
rapid than traditional techniques. Cosolvent effects on solubility have also been 
investigated over a variety of solvent properties. In addition, specific molecular 
interactions have been investigated through spectroscopic techniques. The resulting 
data has been used to develop a physical-chemical equation of state @OS) model of 
SCF solutions with meaningful parameters. This equation of state model has been 
used to predict solubility behavior, which will permit the design and tailoring of 
SCF cosolvent systems for specific coal processing applications. 
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OBJECTIVES 

The focus of this work is the application of supercritical fluid (SCF) solvents 
to the precombustion desulfurization and denitrogenization of coal, as well as to the 
liquefaction and subsequent processing of coal liquids. The main objective of this 
research is to develop an equation of state (EOS) that can be used to predict 
solubilities and to tailor SCF solvent systems for the processing of coal. In 
particular, we focus on the design of solvent-cosolvent systems for treating nitrogen 
and sulfur heterocycles. 

Supercritical fluids show potential for coal processing because they possess 
some unique properties. A SCF is quite dense, which gives a large capacity for 
solutes; it has high diffusivity and low viscosity, which makes it an ideal medium 
for efficient mass transfer; and the fluid is highly compressible, which yields large 
solubility changes with small changes in temperature and pressure. The addition of 
a small amount of cosolvent (usually less than 5 mole %) can dramatically enhance 
solubility. These phenomena suggest extraordinary selectivity possibilities. 
Therefore, we have proceeded with the measurement of solubilities in these novel 
fluids and fluid mixtures. 

Solubility data exist for a wide variety of chemical compounds for pure solid 
solutes in several pure SCF's. The majority of these data are taken in SCF systems 
with a low critical point. Solubility data has recently been extended to include 
some heavier compounds typical of coal structures and solubilities in supercritical 
fluids with higher critical temperatures. These data have been correlated with a 
variety of cubic EOS's and semitheoretical expressions. However, in order to 
account for the effect of a cosolvent on solubility and to exploit potential 
selectivities in model coal compound systems, an EOS developed though a 
molecular approach is necessary. 

Our studies of cosolvent effects support the development of a physical- 
chemical EOS, as well as extend the existing database of solubilities of model coal 
compounds in SCF solutions. A novel technique using supercritical fluid 
chromatography rapidly measures the cosolvent effect on solubility. The solvents, 
cosolvents, and solutes have been carefully chosen to gain maximum information 
about the relative importance of solute and cosolvent properties (polarity, acidity, 
and basicity) on phase equilibria. 

Direct spectroscopic measurements of the specific interactions which yield 
extreme solubility and cosolvent effects have also been used to understand the 
relative importance of specific interactions in SCF's. Further details of molecular 
interactions in supercritical fluids, including specific solvation and the "clustering 
phenomena" in the near critical region, have been investigated using high-pressure 
spectroscopic experiments. The spectroscopic phenomena investigated include 
charge-transfer complexing, hydrogen bonding, and dipole coupling. A high- 
pressure W-vis spectrophotometer and a high-pressure fluorescence spectrometer 
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have been used to probe these interactions. From the spectroscopic information the 
strength of solute/ solvent, solute/ solute, and solute/cosolvent forces can be 
derived in relation to the+proximity of the critical point. 

Data obtained from these experiments has been used in the development of a 
model that accounts for the unique solvation properties of supercritical fluid 
solutions. Thermodynamic solubility information combined with spectroscopic 
information about the microscopic solvent environment has been used to gain an 
understanding of the molecular phenomena affecting solubility in SCF’s. An EOS 
model which accounts for the physical and chemical forces in SCF solutions is 
necessary to predict solubilities and to tailor SCF solvent systems for coal 
processing. 
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PHASE EOUILIEZUA AND COSOLVENT EFFECTS 

Under past DOE support, we compiled an extensive database of model coal 
compound solubilities, and we have extended this solubility database by measuring 
solubilities of model coal compounds in supercritical fluid solutions containing 
cosolvents. Although cosolvent-modified SCF's show much promise in facilitating 
difficult separations, both the magnitude and the importance of specific 
intermolecular interactions on cosolvents effects are yet unknown. Through 
carefully designed experiments, we have been working to delineate the effects of 
various specific interactions on cosolvent effects. 

Solubility Studies 

Several solubility measurements have been made for comparison with 
spectroscopic experiments which examined specific interactions with cosolvents on 
the molecular level. The solubility measurements were made using a conventional 
flow apparatus with a microsampling technique (Tomasko et al., 1993b; Dobbs et al., 
1986). A schematic of OUT apparatus is shown in Figure 1. A saturator was packed 
alternatively with layers of the solute and glass wool, and a SCF was passed through 
the sample tube at a slow rate so that equilibrium was achieved. The saturated 
solution then passed through a high-pressure sampling valve where a known 
volume of sample was trapped, and the pressure was released by flowing through a 
liquid solvent which dissolved the solid while the SCF solvent was vented. The 

. . resulting solution was analyzed by U V  absorption for a quantitative determination 
of solute concentration in the sampling valve. 

We have measured the absolute solubility of 7-azaindole in SCF ethane, SCF 
C02, and 3.25 mol% methanol/C02 systems. This data is shown in Table 1. 7- 
azaindole contains both a pyrollic nitrogen and a pyridine-like nitrogen, which are 
representative of heterocyclic compounds typically found in coal. The cosolvent 
effect of this molecule was measured for direct comparison with spectroscopic 
phenomena discussed later. The increase in solubility due to the addition of the 
cosolvent varies from a factor of about 6 at 90 bars to about 3 at 150 bars, even after 
correction for the density effect. Ow previous work suggests that this correction is 
significant in some systems. The magnitude of the increase suggests specific 
interactions between 7-azaindole and methanol. The relative decrease of the 
"cosolvent effect" with increasing pressure is consistent with the local composition 
enhancement picture (see, for example, Johnston et al., 1987). No reliable results 
were obtained for the solubility of 7-azaindole in supercritical mixtures of ethane 
with 14% ethanol, perhaps due to the adsorption/desorption of the ethanol on the 
solute bed. 

Other solubility measurements have been made in order to model 
equilibrium constants of the charge-transfer complex of hexamethylbenzene (HMB) 
and tetracyanoethylene (TCNE) in supercritical ethane; part of the phase equilibria 
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for the binary systems of TCNE/ethane and =/ethane were measured. The 
absolute solubility of H M B  in supercritical ethane was measured with the 
conventional flow apparatus described in Figure 1. Due to the difficulty of 
measuring low solubilities with this apparatus, the solubility of TCNE was 
measured at only one pressure using a gravimetric technique and a commercial 
extractor (ISCO extractor SFX-210) modified for these measurements. This data is 
shown in Table 2. This solubility information is used to reduce the number of 
adjustable parameters necessary to model the equilibrium constant for the charge- 
transfer complex; this model is described later. 

Chromatographic Technique & Cosolvent Effects 

One reason that solubility and cosolvent data are scarce is that conventional 
techniques to measure solubilities are time consuming and require large amounts of 
solute. A chromatographic technique that we developed to measure these 
thermodynamic phenomenon in SCF solutions is attractive because 
chromatographic measurements are rapid, require little solute, and inherently 
separate impurities from the solute. A schematic of this apparatus is shown in 
Figure 2. With this technique, we have measured solubilities and cosolvent effects 
from the retention time of the solute in the column using the SCF solution of interest 
as the mobile phase. We define the cosolvent effect, Y ,  for a solute as the ratio of its 
solubility in the fluid mixture to the solubility in the pure fluid at the same 
temperature and pressure. We have recently demonstrated the viability of this 
technique (Ekart et al., 1993a). 

A chemically diverse group of fluids, cosolvents, and solutes have been 
studied using this chromatographic technique with the goal of gaining maximum 
understanding of the relative importance of specific interactions on cosolvent effects 
and solubilities. Cosolvent systems have been chosen based on their potential for 
specific interactions with the solutes being studied. 

Several different SCF’s have been used in this chromatographic study. The 
three fluids of interest are shown in Table 3 with their critical properties, dipole 
moments, and polarizabilities; note that the critical temperatures are similar. Ethane 
is a nonpolar fluid that has no specific interactions with any of the cosolvents or 
solutes. Carbon dioxide is also nonpolar, but has a large quadrapole moment; in 
addition, carbon dioxide can participate in acid-base interactions, as it does when 
reacting with water to form carbonic acid. Fluoroform, CHF3, is polar and is a 
hydrogen bond donor. The cosolvent studies have been done in ethane because we 
are primarily interested in looking at cosolvent-solute interactions. 

Cosolvents have been chosen based on their potential for participating in 
specific interactions; cosolvents possessing either relatively extreme hydrogen bond 
donating ability, hydrogen bond accepting ability, or polarities/polarizabilities are 
of particular interest. The cosolvents we have investigated include commonly used 
alcohols and acetone. In addition, chloroform and 2,2,2-trifluoroethanol (222-TI;E) 
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have been examined because of their ability to donate protons but not accept them. 
l,l,l-trichloroethane (111-TCE) is similar to chloroform, but it is not a hydrogen 
bond donor. Conversely, triethylamine (TEA) will not donate protons but is an 
excellent acceptor; it is also a Lewis base that can take part in charge transfer 
complexes. Finally, 1,2-dibromoethane (12-DBE) was chosen because it neither 
accepts nor donates protons, but it has the capability of enhancing the 
polarity/polarizability of the solvent environment. This choice of cosolvents allows 
us to study independently various effects, including hydrogen bonding, in SCF 
solutions. Table 4 shows the various cosolvents studied along with their Kamlet- 
Taft solvatochromic parameters (Kamlet and Taft, 1976; Kamlet et al., 1977, 1983), 
dipole moments, and polarizabilities. The Kamlet-Taft format is useful for rating 
solvent strength by using linear solvation energy relationships to relate quantities 
such as reaction rates, UV absorption maxima, or chromatographic retention times 
to chemical characteristics of the solvent. a indicates the cosolvent's hydrogen-bond 
donor acidity, p indicates the cosolvent's hydrogen-bond donor basicity, and n 
indicates the cosolvent's polarity/polarizability. 

High pressure vapor-liquid equilibria data with ethane is not available for all 
of these cosolvents. Therefore, the phase boundaries have been measured for 
cosolvent/SCF ethane systems in which data did not exist. The visual, static 
technique for these measurements is shown in Figure 3. The phase boundaries are 
necessary to ensure'operation within the one phase region in the mixing bomb, 
pump, and column, all of which can be at different temperatures. 

Solubilities and cosolvent effects have been studied for the various solutes 
shown in Table 5 (Ekart et al., 1993b). These include nonpolar compounds such as 
anthracene and phenanthrene, oxygen compounds like 9-hydroxyfluorene and the 
phenolic 2-naphthol, and amines such as carbazole, with a pyrollic nitrogen, and 
acridine, with a pyridinic nitrogen. To study the effect of specific constituents, we 
have also examined a series of compounds such as fluorene, fluorenone, 
dibenzofuran, dibenzothiophene, carbazole, and 9-hydroxyfluorene. In addition to 
nitrogen-containing compounds, sulfur compounds like thianthrene and 
dibenzothiophene have also been studied, as cosolvent effects on sulfut compounds 
are also of interest to coal processing. Because we are currently using a U V  detector, 
all of the solutes are UV active. 

Initially, the viability of this technique was tested before measurement with 
any cosolvent systems. Solubility data can be obtained with the chromatographic 
technique as long as there is one independent solubility measurement. The absolute 
solubilities measured using this technique compare favorably with literature data. 
An example is shown in Figure 4, which compares literature and chromatographic 
solubility measurements for anthracene in several supercritical fluids. 

Next, cosolvent data was measured with the cosolvent and solutes described 
Table 6 shows the cosolvent effects, w, that were previously in SCF ethane. 
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measured at 5OoC in ethane at pressures from 80 to 200 bars. Here, w is defined as the 
relative increase in solubility at some constant pressure and temperature resulting 
from the modification of a SCF with cosolvent. This factor is calculated as the ratio 
of retention times of a solute on a particular chromatographic column at a given 
temperature and pressure for varying mobile phases. All results are given relative 
to retention times in pure ethane. Note that w usually increases with pressure. This 
may be due in part to the increased density of the fluid mixture relative to the pure 
SCF at the same pressure. As pressure increases, the relative increase in density 
decreases; hence this portion of w becomes smaller. 

In order to compare the data better, we attempted to remove the portion of yr 
due to the density increase that occurs upon addition of cosolvent. Also, we 
facilitated quantitative comparison by assuming that y.r was related linearly to the 
mole fraction of the cosolvent; in each case we then calculated w for a 3 mol % 
cosolvent at 150 bars as shown in Table 7. Because of the approximations involved 
in removing the density and composition dependance from w, there may be some 
uncertainty in comparing w for a solute across different cosolvents; however, there is 
no problem looking at several solutes in the same cosolvent. 

From this investigation, the significance of several specific interactions on 
cosolvent effects was evident. First, a comparison is noted for fluorenone, a proton 
acceptor, and fluorene, which is incapable of forming strong hydrogen bonds. 
There is a strong interaction between fluorenone and 222-TFE, a potent proton 
donor, and a smaller effect with chloroform, a lesser but good donor. Hydrogen 
bonding interactions between fluorenone and TEA are not possible, but TEA is 
capable of forming charge-transfer complexes with electron-deficient n systems. 
These interactions are shown in Figure 5. 

Of the solutes from the series of fluorene, dibenzofuran, dibenzothiophene, 
and carbazole, only the N-H bond of carbazole is capable of hydrogen bonding. 
Thus, fluorene, dibenzofuran, and dibenzothiophene have similar cosolvent effects. 
In comparison, the larger cosolvent effects of carbazole with ethanol, isopropanol, 
acetone, and 222-TFE suggest hydrogen bonding interactions between the N-H 
proton of carbazole and lone pairs of the oxygen atoms of these cosolvents. The 
general structure of these compounds and the hydrogen bonding interaction with 
carbazole are pictured in Figure 6. From similar deduction processes, 9- 
cyanoanthracene was shown to interact with 222-TFE through hydrogen bonding. 
Strong cosolvent interactions between 9-cyanoanthracene and TEA may occur 
through charge transfer interactions. Also, the alignment of the dipoles of the planar 
9-cyanoanthracene and acetone may explain a small increase in the cosolvent effect. 
The cosolvent effect of 2-aminoanthracene relative to anthracene was largest for the 
protic cosolvents ethanol, isopropanol, chloroform, and 222-TFE. 
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Of all the solutes studied, 2-naphthol displayed the largest cosolvent effect for 
every cosolvent studied, including those not capable of accepting H-bonds. 2- 
naphthol has the least hydrocarbon nature of the solutes studied in this 
investigation, suggesting the importance of enhancement in polarity and 
polarizability upon the addition of cosolvents. These results, in summary, 
demonstrate the important specific interactions such as hydrogen bonding, charge 
transfer interactions, and polarity/polarizabilities as well as density enhancements. 
Comparison of cosolvent effects for fluorenone, thianthrene, and 2-naphthol are 
shown in Figures 7a, 7b, and 7c. 

This same chromatographic technique is applicable to investigating the 
relationship between cosolvent effects and cosolvent concentration (Ekart et al., 
1993a). This relationship is fundamental when trying to understand the role of 
microscopic phenomena such as molecular charisma on macroscopic properties. 
The cosolvent effects for anthracene, 2-naphthol, and carbazole as a function of 
ethanol composition in an ethanol/ethane mixture at 5OoC were again studied after 
removing the density dependance from the cosolvent effect. However, only a small 
portion of the cosolvent effect for carbazole and 2-naphthol were due to the density 
increase with increased ethanol concentration. Specific interactions between the 
solute and ethanol cosolvent or an increase in the local dielectric environment may 
be partially responsible for these enhancements in the cosolvent effects. Whether 
spectroscopically observed density enhancements in the local environment of large 
solute molecules in SCF solutions, which fall short of creating a liquid-like 
environment around the solute molecule, are responsible for unexpectedly large 
cosolvent effects is still unclear. 

After completing this study of the role of specific interactions on cosolvent 
effects (Ekart et al., 1993a), in which Kamlet-Taft solvatochromic parameters (Kamlet 
and Taft, 1976; Kamlet et al., 1977, 1983), dipole moments, and polarizabilities 
guided our cosolvent selection, we began a second cosolvent study. Although 
hydrogen bonding apparently contributes to cosolvent effects, o w  previous results 
show that other specific interactions such as charge transfer complex formation, 
dipole/dipole alignment and polarity/polarizabilities can also be exploited to 
improve selectivities and loadings. For this reason, we chose to study a series of 
cosolvents with minor perturbations in structure. These cosolvents include 
propionitrile, l,l,l- trichloroethane, ethanol, methyl acetate, methylcyclohexane, and 
bromoform. Although these cosolvents have only minor perturbations in structure, 
they vary widely in their ability to participate in various specific interactions as 
indicated by their Kamlet-Taft parameters shown in Table 8. 

To ensure operation within the one phase region in the mixing bomb, transfer 
lines, and column, a near critical phase boundary was determined for each 3.5% 
cosolvent/ethane mixture, because high pressure vapor-liquid equilibrium data 
with ethane was not available for these cosolvents. The results of this cosolvent 
screening are shown in Table 9. If a cosolvent was not miscible in ethane at room 
temperature, then its phase boundary was not measured because the cosolvent 
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would drop out of solution in the chromatographic setup, since the pump and other 
parts are at room temperature. 

The solutes to be investigated are similar to the ones in the previous cosolvent 
study. They are a homologous series of fluorene and anthracene compounds. 
Nitrogen-containing compounds and sulfur compounds such as these are of interest 
to coal processing. Minor perturbations in chemical structure of both the cosolvent 
and solute will allow us to study a variety of specific interactions. All studies will 
be conducted in SCF mixtures of ethane, which does not participate in specific 
interactions with the cosolvents or solutes, modified with approximately 3.5 mole% 
cosolvent. 

Cosolvent effects for these solute/cosolvent/SCF ethane systems are listed 
Table 10. Cosolvent effects have been measured in 3.8 mol% ethanol/SCF ethane, 3.8 
mol% propionitrile/SCF ethane, 3.9 mol% l,l,l-trichloroethane/SCF ethane, 3.6 
mol% methyl acetate/SCF ethane and 3.3 mol% methylcyclohexane/SCF ethane 
solutions using the chromatographic technique. These cosolvent effects were 
normalized to a 3.5 mol% cosolvent composition by assuming the cosolvent effect 
was linearly related to cosolvent mole fraction. Normalization of the data is shown 
in Table 11. 

Several techniques for the correlation of cosolvent data have been explored. 
A promising analysis technique is based on the same Kamlet-Taft parameters used 
to choose our cosolvents. The solvatochromic comparison method (Kamlet and 
Taft, 1983) is used to correlate and rationalize multiple interacting solvent effects on 
physiochemical properties. This method utilizes a linear solvation energy 
relationship (LSER) in which necessary parameters have been determined by 
averaging multiple solvent effects on a variety of properties involving many diverse 
indicators. This relationship can be expressed in the following general form: 

where XYZ = some property of the system (eg. position of absorbance 

a = scale of solvent hydrogen-bond donor acidities 
p = scale of solvent hydrogen-bond donor basicities 
R* = scale of solvent polarity/polarizability 
a,b,s = 

maxima, equilibrium constant, retention times, etc.) 

characteristic of solute indicating the susceptibility of XYZ to 
change according to the respective scale 

For supercritical solvent systems, the solvatochromic parameters have been 
considered as a linear combination of the individual mixture component parameters 
and the relative amounts of each component, as a first approximation (Yonker and 
Smith, 1988). For example, 

z* = x1n*1 + x2z*2 (2) 
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where x = the mole fraction 
(1) - cosolvent 
(2) - solvent 

Attempts to correlate data for cosolvent effects have been unsuccessful, due 
to insufficient solute parameter data. These parameters need to be measured or 
estimated (if such a technique exits) for the solutes in this investigation before any 
cosolvent effects can be correlated using this technique. Correlation of cosolvent 
data is important for prediction of solubilities and cosolvent effects. 
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SPECIFIC INTE RACTIONS THROUG H SPECTROSCOP Y 

Through carefully designed experiments, we have been working to delineate 
the effects of various specific interactions on cosolvent effects. An understanding of 
the environment of a solute molecule in a cosolvent mixture is crucial to our goal of 
developing a predictive tool for coal processing applications. Solute/cosolvent 
interactions have been shown to contribute to cosolvent effects. However, the effect 
of vicinity to the critical point on solute/cosolvent interactions is little understood, 
particularly in light of two phenomena: local density enhancement and local 
composition enhancement in SCF solutions. Increasing experimental and 
spectroscopic evidence suggests that, in the near critical region, the local 
environment of a solute molecule is enhanced in solvent molecules compared to the 
bulk environment (Kajimoto et al., 1988; Petsche and Debenedetti, 1989; Cochran and 
Lee, 1989; Brennecke et al., 1990a; Knutson et al., 1992; Eckert and Knutson, 1993), or 
exists in a density enhanced environment. In the case of cosolvent mixtures, the local 
composition around a solute molecule is also enhanced in cosolvent (Kim and 
Johnston, 1987; Roberts et al., 1992). The effect of these phenomena on intermolecular 
interactions in SCF solutions has not been quantified and is of particular interest in 
designing SCF solvent systems for separations. 

In an effort to examine intermolecular interactions in SCF solutions, 
spectroscopic techniques have been used to probe the SCF solvent environment on a 
molecular level. Using fluorescence and UV spectroscopy, the extent of 
contributions of specific interactions to cosolvent effects, for example charge- 
transfer complexation and hydrogen bonding, has been investigated. Several 
different probe molecules have been used to look at how cosolvents affect the SCF 
solvent environment. 

Spectroscopic Techniques 

W-vis absorption experiments were conducted in a double-beam UV-vis 
spectrophotometer modified for high pressure applications. This apparatus is 
shown in Figure 8. A commercial UV-vis spectrophotometer (Beckmann Acta CII) 
was altered to accommodate two identical high pressure optical cells. A piston type 
generator (High Pressure Equipment Co. Model 87-6-5) supplied pressure to the 
sample and reference cells. Pressure was monitored with a calibrated Heise 
pressure gauge (Model 901B) with an accuracy of &0.035%, and temperature was 
maintained using thermoelectric heaters and measured within the sample cell as the 
resistance of a thermistor probe (Omega type 44032) calibrated to M.l0C. 

Fluorescence experiments were conducted in a spectrometer assembly 
consisting mainly of Kratos optical parts. The apparatus is shown in Figure 9. The 
spectrometer, high pressure apparatus, and pressure and temperature control are 
described in detail elsewhere (Brennecke and Eckert, 1989b). Temperature was 
measured by recording the resistance of a thermistor probe (Omega type 44032) 
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calibrated to &0.loC, and controlled with a custom-built three-mode controller 
constant to M.02"C. Pressure was monitored with a Texas instrument quartz tube 
pressure gauge (Model 140) accurate to fo.2 bar. 

Charge-Transfer Complex Formation 

Specific interactions, such as charge-transfer complexation and hydrogen 
bonding, can be investigated using spectroscopic techniques. Presented are results 
for the intermolecular charge-transfer formation between tetracyanoethylene 
(TCNE) and hexamethylbenzene (HMB) in SCF ethane. These results include 
equilibrium constants in mole fraction units of the charge transfer complex of HMB 
and TCNE in SCF ethane from 53 to 100 bars at 35°C. These equilibrium constants 
are integral to the development of predictive tools to assist in choosing cosolvents 
for applications. In addition, knowledge of the equilibrium constants in the near- 
critical region as a function of density provides insight into the local environment of 
these solute molecules and provides the opportunity to examine the system 
nonidealities and test thermodynamic models. 

All experiments with TCNE and HMB were conducted in supercritical 
ethane. In addition to having a moderate critical temperature and pressure (Tc = 
305.4 K, Pc = 48.8 bars), ethane does not participate in specific interactions with the 
charge transfer complex or components. The choice of donor and acceptor species 
was based on solubilities of these species in SCF ethane, the strength of the complex 
formed, and the absorbance intensity of the complex necessary to obtain meaningful 
results. TCNE is a powerful electron-accepting species and forms strong complexes 
with aromatic electron donors. HMB is a good electron-donating species that is 
fairly soluble in SCF ethane. The charge transfer interaction of this species is a 
planar sharing of the 'IC density between the electron-rich donor and the electron- 
deficient acceptor which is depicted in Figure 10. The TCNE/HMB charge transfer 
complex absorbs UV-vis light in a region approximately 250 nm from its 
components as shown in Figure 11, which makes the Benesi-Hildebrand type of 
analysis applicable to this system since it assumes that the absorption of the complex 
formation species is negligible in the region of complex absorption. 

Absorption experiments were conducted in a double-beam UV-vis 
spectrophotometer described previously (Figure 8) modified for high pressure 
applications. All spectra were recorded at 35°C with a cell path length of 7.5 mm. 
The spectra were obtained as a function of pressure in SCF ethane from 
approximately 50 bars to 100 bars. Assuming the density of pure ethane for the 
mixture, this corresponds to a density change of 7.5 moles/liter to 12.0 moles/liter. 
Pure ethane densities were calculated using a modified Benedict-Webb-Rubin 
equation of state (Younglove and Ely, 1987). The concentration of TCNE loaded into 
the sample cell ranged from 5.9e-5 to 1.6e-4 moles/liter, and HMB was loaded into 
the cell at concentrations of 3.6e-3 to 9.7e-3 moles/liter. Again assuming the density 
of pure ethane for these dilute mixtures, the mole fractions of TCNE and HMB 
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ranged from 5.2e-6 to 1.8e-5 and from 3.2e-4 to Lie-3, respectively. All experiments 
were conducted within the solubility limits of the charge transfer components. 

A Benesi-Hildebrand approach is used to determine equilibrium constants 
from the measured UV intensities of the complex (Benesi and Hildebrand, 1949). 
This approach is only applicable when the mole fraction of HMB is much greater 
than that of TCNE, and this analysis also assumes that the absorption of the complex 
follows Beer's law. Since the TCNE/HMB charge transfer complex absorbs UV-vis 
light in a region approximately 250 nm from its components, the Benesi-Hildebrand 
type of analysis is applicable because it assumes that the absorption of the complex 
formation species is negligible in the region of complex absorption. However, 
unlike the standard Benesi-Hildebrand equation, the equilibrium constant is found 
in pressure independent mole fraction units for a nonideal system. A 
thermodynamic model is required to calculate absolute equilibrium constants. The 
equilibrium constant (Ky) and the extinction coefficient ( E )  at a specific solvent 
density are determined from the slope and intercept of a linear plot. 

Y A ~  = initial mole fraction of acceptor, TCNE 
y b  = initial mole fraction of donor, HMB 
K, = equilibrium constant in mole fraction units 
d = absorbance of the complex 
1 = path length of the cell (cm) 
E = molar absorbtivity of the complex (liters/mole/cm) 
ps = solution density (moles/L) 

The Benesi-Hildebrand analysis for the TCNE/HMB/SCF ethane system at a 
density of 11.5 moles/liter is shown in Figure 12 and tabulated in Table 12. The 
initial concentrations of TCNE and H M B  were varied at a constant solution density 
and path length. The maximum absorption of the UV complex was measured, and 
the nonideality ratio was estimated. The equilibrium constant and complex 
extinction coefficient were then determined from a linear plot. These equilibrium 
constants are consistent with those determined in liquids (Ewald, 1968) both in 
magnitude and pressure effects. Scott suggested an alternative experimental 
approach for determining equilibrium constants from spectroscopic measurements 
(Scott, 1956). A comparison of the Benesi-Hildebrand and Scott analysis techniques 
is shown in Table 13. A plot of y~~ yDo/d versus y~~ simply reverses the role of the 
slope and the intercept of the Benesi-Hildebrand equation. The concentration 
dependence is more apparent in this analysis. The results of these two analysis 
methods are not significantly different. In addition, knowledge of the equilibrium 
constants in the near-critical region as a function of density provides insight into the 
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local environment of these solute molecules and provides the opportunity to 
examine the system nonidealities and test thermodynamic models. 

A comparison of experimentally derived equilibrium constants for the 
TCNFi/HMB/SCF ethane system with equilibrium constants in liquid systems as a 
function of pressure is shown in Figure 13. As seen in the graph, the density 
dependence of K, is extremely similar in SCF ethane and liquid CH2C12 (Ewald, 
1968). However, in SCF’s, this density change is achieved by varying the pressure 
between 50 and 100 bars. A pressure of 6000 bars is necessary to achieve similar 
results in liquid CH2C12 . The volume change associated with complex formation is 
a function of the pressure dependence on the mole fraction equilibrium constant, as 
shown by the following equation: 

In liquid CH2C12, data suggest a partial molar volume change of approximately 8 
cc/mole and only a slight pressure effect on this value. This is in sharp contrast to 
the effect of pressure on the equilibrium constant in SCF ethane. In effect, we get 
Av=-5 liter/mole at a system density of 9.4 moles/liter and Av=-2.5 liter/mole at a 
system density of 11.5 moles/liter. This is up to 300 times that measured in liquid 
CH2C12 and the pressure is seen to have a large effect on this quantity. This large 
partial molar volume change upon complex formation is consistent with negative 
partial molar volumes of heavy organic molecules in SCF systems, since it 
corresponds to the difference in the partial molar volumes of the complex and the 
sum of its components (Eckert et al., 1986). The comparison between liquid high 
pressure data and SCF data shows that the latter are attractive solvents for 
investigation of chemical phenomena for the same reason they are desirable solvents 
for separations and reactions. With only small perturbations in temperature or 
pressure, solvent sensitive chemical phenomena can be examined over a range of 
solvent conditions. These results are consistent with a picture of strong solvation of 
the complex. 

Modeling results for the correlation of equilibrium constants for the 
TCNE/HMB/SCF ethane are also shown in Figure 13. The model proposed 
describes the features of the experimental data with two adjustable parameters, and 
it is based on the assumption that the charge-transfer complex is molecular and 
stable. The adjustable parameters are the reference fugacity of the complex and the 
binary interaction parameter between the complex and the solvent. A Soave- 
Redlich-Kwong equation of state was used to calculate the fugacity coefficient of the 
charge-transfer complex using estimated critical properties for the complex (Reid et 
al., 1987). Solubility data for the binary systems of TCNE/ethane and HMB/ethane 
along with vapor pressure information were used to regress the corresponding 
binary interaction parameters. It was assumed that the only non-zero interaction 
parameters were the ones between the solvent and the three other compounds - the 
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donor, acceptor, and the complex. This was necessary to reduce the number of 
adjustable parameters. The details of this modeling approach are discussed in more 
depth later. . 
Hydrogen Bonding Interactions 

Polar Cosolvents 

An important modeling aspect of SCF solution behavior is the solvent 
structure about a solute molecule. Systems of indoles or substituted indole 
”solutes” in SCF’s containing alcohol or water cosolvents are promising systems to 
probe local compositions effects. The solvent dependent nature of their spectral 
features has been reviewed and the fluorescence kinetics examined (Tamaki, 1983). 
Also, while alcohols are commonly used as SCF cosolvents, they characteristically 
cause quenching of fluorescence. Therefore, only specific systems allow for the 
study of intermolecular interactions in systems with alcohol cosolvents using 
fluorescence spectroscopy. We have studied local composition effects using 7- 
azaindole, which forms an exciplex with alcohols at low concentrations. ’7-azaindole 
contains both a pyrollic nitrogen and a pyridine-like nitrogen and is therefore 
representative of the heterocyclic compounds typically found in coal. 

7-azaindole is more sensitive than the naphthols we have previously studied 
(Tomasko et al., 1992b) in the respect that one can monitor two independent 
interactions with the cosolvent. First, the tautomer of 7-azaindole resulting from 
double proton transfer can be observed as a broad structureless emission red-shifted 
from the monomer by 120-160 mn. Second, an exciplex emission arising from an 
excited state alcohol-7-azaindole complex can also be observed as a distinct red- 
shifted peak (20-60 nm) similar in shape and overlapping with the monomer 
fluorescence band. 

These emission features of 7-azaindole of interest, namely fluorescence from a 
cyclic alcohol/7-azaindole tautomer species and an alcohol/excited-state 7- 
azaindole exciplex are characterized in liquids. The tautomer species is a well- 
documented result of double proton transfer in the excited state of doubly-hydrogen- 
bonded 7-azaindole dimers or a cyclic hydrogen-bonded 7-azaindole/alcohol 
complex (Ingham and El-Bayoumi, 1974; Avouris et al., 1976; Walmsley, 1981; 
McMorrow and Artsma, 1986). The tautomer results from a cyclic hydrogen- 
bonded complex in the ground state which undergoes double proton transfer upon 
excitation. This is depicted schematically in Figure 14, along with the proposed 
mechanism of exciplex formation wherein the nonbonded electrons on the 
hydroxylic oxygen interact with the vacant n orbital of the excited 7-azaindole 
(Walker et al., 1967). The exciplex between alcohols and 7-azaindole has not been as 
well characterized as the tautomeric equilibria. This alcohol and 7-azaindole 
exciplex has been studied in liquids (Collins, 1983). Through kinetic analysis, the 
exciplex was found to result from a single alcohol complex formation with a single 
7-azaindole molecule. 
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The apparatus and technique for carrying out fluorescence measurements on 
supercritical solutions have been previously described (Brennecke et al., 1990a). A 
schematic of the fluorescence apparatus is shown in Figure 9. Mixture densities 
were determined by multiplying the pure SCF density by a ratio of mixture to pure 
density calculated from a Soave-Redlich-Kwong equation, using the binary 
interaction parameter (k12) which was set to 0.1 or fit to vapor-liquid equilibrium 
data. Pure C02 denszty data was interpolated from published tables (Angus et al., 
1976), and CHF3 density data was calculated by modified Benedict-Webb-Rubin 
equations (Hori et al., 1982). Spectra Calc software (Galactic Industries Corp.) was 
used for peak regression of the 7-azaindole spectra. The apparatus for recording 
absorption spectra, which has been previously described, is shown in Figure 8. The 
spectra were recorded in double-beam mode with pure SCF in the reference cell to 
cancel any effects of solvent density on refractive index. 

The probe 7-azaindole has been used to look for evidence of hydrogen 
bonding and exciplex formation in several SCF/cosolvent mixtures. Table 14 lists 
the solvents, cosolvents, and range of conditions studied. Representative spectra are 
presented in Figure 15 for 7-azaindole in supercritical C02 with 0.5,1.0,2.0, and 4.5 
mole % methanol as a cosolvent. Two features are of note: first, the successive 
addition of alcohol shows a clear transition from monomer emission in pure SCF to 
exciplex emission in the SCF mixture, which is represented by a significant shift in 
the emission indicative of exciplex formation; secondly, even at 4.5% alcohol no 
proton transfer occurred, which is indicative of formation of the tautomer. Figure 

. 16 shows several normalized spectra in the 2.0 mole % methanol/C02 mixture at 
35OC over a range of densities. As the density increases, the concentration (but not 
the mole fraction) of methanol also increases and the transition from normal to 
exciplex emission is clearly seen. 

:. 

The changeover to exciplex fluorescence, as measured by the wavenumber of 
maximum emission, is also a function of density for different cosolvent 
concentrations. Using Spectra Calc to fit all spectra to a single log-normal shaped 
peak, the position of the maximum was calculated. The species change results in a 
large (greater than 1000 cm-1) change in the overall emission maximum as the density 
(and therefore the concentration) of the cosolvent is increased. For example, the 
position of the emission maximum in Figure 16 (2 mole % methanol in C02) is given 
in Figure 17 along with the maximum in pure C02. The step chkge of the emission 
maximum at a mixture density of 13 mol/l indicates a relatively abrupt conversion 
to exciplex formation. The large shift observed as the density increases is the 
conversion from normal-dominated emission to exaplex-dominated emission. 

The 7-azaindole fluorescence is perturbed significantly by the presence of 
even very small amounts of alcohol. Figure 18 for fluoroform/ethanol system, like 
Figure 17, gives the emission maximum as a function of the solvent density. The 
lowest concentration of alcohol, 0.3 mole %, causes a shift in the emission maximum 
of 300 cm-1. The fact that this small amount of cosolvent causes such an observable 
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change constitutes evidence for a strong interaction between the alcohol and 7- 
azaindole not due to the formation of a hydrogen bonded complex. 

In liquid solutions, it is not possible to resolve a distinct exciplex peak and 
the results have been analyzed in terms of the position and fluorescence. We have 
taken the overall emission maximum and compared the methanol concentration 
dependence at several different densities. The shift has been determined relative to 
the emission maximum in pure C02 within & 300 cm-1. Figure 19 shows the 
dependence of the peak shift on methanol concentration for several different 
densities and in liquid solvent (Collins, 1983). The steep initial shift with methanol 
concentration is the formation of the exaplex, while the lesser slope at higher 
alcohol concentrations in the liquid is the non-specific dielectric shift of the 
exciplex. In this figure, all the densities from SCF experiments collapse onto a single 
curve which is less dependent on methanol concentration than the data in liquid 2- 
methyl butane. The data in SCF solvent rise less steeply than in liquids indicating 
an environment less enriched in alcohol than a liquid environment. This is not to 
say the local environment is less concentrated than the bulk, only that the local 
composition effect, as indicated by exciplex formation, is not as coherent in the SCF. 
We interpret this to mean that the cosolvent is indeed present in substantial 
quantities in the local environment about the solute, but the nature of the interaction 
(i.e. hydrogen bonding) is not the same as in a liquid. 

Hydrogen bonding between two 7-azaindole molecules or between 7- 
azaindole and alcohol can be observed as a shoulder on the U V  absorption 
spectrum. Hydrogen bonding conditions were made more favorable by studying 
the absorption behavior in liquid and supercritical ethylene (T, = 9.2OC) modified 
with acetic acid. The acetic acid cosolvent may form a cyclic hydrogen bonded 
complex with 7-azaindole more easily than alcohols due to its strong hydrogen 
bonding abilities. Experimental difficulties (adsorption on cell windows) prevented 
the use of concentrated 7-azaindole solutions. Figure 20 shows normalized 
adsorption spectra of 10-2 mol/l 7-azaindole in ethylene with 0, 0.5, and 3.0 mol% 
acetic acid. The reference cell contained no acetic acid when zeroing the instrument, 
therefore the intensities of similar 7-azaindole concentrations may not be the same. 
The normalized spectra show the change in shape with the addition of acetic acid. 
The shoulder on the red-edge of the absorption, which is not due to the dielectric 
shift but grows with increasing acid concentration, is indicative of hydrogen 
bonding in solution. 

Spectroscopic results for the system of 7-azaindole/cosolvent SCF indicate 
significant interactions between the solute and cosolvent. These interactions are 
evident in the absorption experiments, which suggest a degree of hydrogen 
bonding, and can also be inferred from the 7-azaindole/alcohol exciplex formation. 
However, a lack of tautomer formation suggests that the local solute environment is 
not sufficiently enhanced or structured in cosolvent to support double proton 
transfer. In spite of the liquid-like SCF densities, the local cosolvent structure is less 
coherent than in liquids. 
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Pro tic Cosolvents 

Our UV-vis spectrophotometer (Figure 8), modified for high pressure 
applications, is well-suited to the investigation of solute/cosolvent hydrogen 
bonding. We have examined hydrogen bonding in these systems using 
benzophenone as a probe molecule. The blue shift of the n->n* transition of 
benzophenone with increasing alcohol concentration is well-characterized in liquids 
(Brealey and Kasha, 1955; Becker, 1959; It0 et al, 1960). Stabilization of the 
nonbonding electrons of the carbonyl oxygen by hydrogen bonding or other 
electrostatic bonds lowers the energy of the n-electron orbital. This bond is broken 
or severely weakened upon excitation, therefore the energy of the molecule in the 
excited state is approximately equal to the energy of the non-bonded excited state 
molecule. The lower energy of a hydrogen-bonded ground state n-electron or a 
ground state n-electron stabilized by solvent polarity/polarizability effects results 
in a blue shift of the n-x* transition of benzophenone with increasing alcohol 
concentrations in liquids (It0 et al, 1960). The hydrogen bonding interaction of 
benzophenone with alcohols is depicted in Figure 21, and the absorption of 
benzophenone in liquids is shown in Figure 22. Cosolvents chosen for this study are 
shown in Table 15, along with their Kamlet-Taft solvatochromic parameters. 

Benzophenone is ideal for investigating the extent of solute/cosolvent 
interactions in the near critical region due to the significant shift of the n->n* 
maximum in SCF ethane with the addition of cosolvent. The addition of 2,2,2- 
trifluoroethanol (TFE) to SCF ethane results in a shift in the observed maximum of 
the benzophenone n-x* transition. Figure 23a shows this transition (in cm-1) as a 
function of solution density for several 2,2,2-trifluoroethanol concentrations at 35°C. 
As this is a constant composition experiment, the mole fraction of TFE decreases 
with increasing system pressure (as ethane is added to the optical cell). However, 
the concentration of TFE remains constant throughout a run. All experiments were 
performed at the same benzophenone concentration (1.54e-3 moles/liter). The 
highest mole fraction of TFE occurs in the 0.337 moles TFE/liter run at the lowest 
system density and is approximately 3.5%. System densities were calculated 
using the Soave-Redlich-Kwong equation of state for a binary cosolvent/SCF ethane 
mixture, and all mixture densities were corrected by a ratio of the experimental pure 
ethane density to the pure ethane density calculated at the same temperature and 
pressure using the equation of state. Critical properties used in this equation of 
state are shown in Table 16. 

As seen in Figure 23a, the n-x* transition maxima are approximately 
constant and equal in the 0.112 cosolvent moles/liter, 0.224 moles TFE/liter, and 
0.337 moles TFE/liter runs, all runs in which the TFE concentration was greater than 
approximately 0.1 moles/liter. This data is also tabulated in Table 17. This suggests 
that at these concentrations, benzophenone hydrogen bonds are saturated. However, 
in the low concentration runs (particularly at 0.0112 moles TFE/liter and 0.0224 
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moles TFE/liter), the transition maxima decreases with increasing solution density. 
The final value approaches the transition in the non-hydrogen bonding 
benzophenone ethane system. This trend suggests that the benzophenone probe 
molecules "see" a larger fraction of TFE molecules in its vicinity at the lower, near- 
critical densities. 

This point is better shown by Figure 23b. Here, the benzophenone n->n* 
transition maxima are plotted versus TFE mole fraction for system densities of 8.5 
moles/liter, 9.1 moles/liter, 9.6 moles/liter, 10.0 moles/liter, and 11.0 moles/liter. In 
the very dilute TFE region (YTFE < 0.005), the transition maximum is greater in the 
low density rum than in the high density ru~ls at the same lFE mole fraction. 

The shift of the n-x* transition of benzophenone in TFE/SCF ethane 
systems is expected to result from both solvent polarity/polarizability effects and 
benzophenone/TFE hydrogen bonding. In order to understand the relative 
importance of these interactions to our observed shift, we investigated the n->n* 
shift in a variety of cosolvents. Kamlet-Taft parameters (Kamlet et al., 1983) were 
used as a basis for cosolvent choice. The selected cosolvents, listed in Table 15, have 
varying abilities to hydrogen bond with benzophenone (as measured by Kamlet-Taft 
a parameters) and to stabilize its ground state through polarity/polarizability 
effects (as measured by Kamlet-Taft n* parameters). These cosolvents include 
chloroform (CHCIB), 1,2-dibromoethane (DBE), ethanol (EtOH), propionitrile, l,l,l- 
trichloroethane, and 2,2,2-trifluoroethanol (TFE). 

The n->n* transition maxima for benzophenone in several cosolvent/SCF 
ethane systems is shown in Figure 24. This data is also tabulated in Table 18. The 
n-x* transition of benzophenone is plotted as a function of system density in pure 
ethane and ethane/cosolvent mixtures of CHC13, DBE, ETOH, and TFE. The 
cosolvent concentration in these experiments is approximately 0.2 moles/liter. All 
experiments were performed at 35 "C and with a benzophenone concentration of 
1.54e-3 moles/liter. The observed transition maxima can be explained in terms of 
cosolvent Kamlet-Taft parameters. TFE is the strongest acid and also has a very 
large polarity /polarizability parameter. Therefore, the n-x* transition of 
benzophenone in the "FE/ethane mixture shows the largest blue shift from the case 
of pure ethane. We have shown in previous experiments that specific 
TFE/benzophenone interactions are approximately saturated at this concentration. 
As indicated by the increasing n-m* blue shift at lower densities, the specific 
benzophenone/cosolvent interactions are not saturated at these cosolvent 
concentrations for the remaining cosolvents. Ethanol has an ability to hydrogen 
bond with benzophenone intermediate to that of TFE and chloroform, as indicated 
by the resulting blue shift. Chloroform, with a large polarity/polarizability effect 
and a weaker ability to act as a hydrogen-bonding acid, is less able to stabilize the 
ground state n-electron through specific interactions. As seen from Table 15, the 
effect of DBE on the n-m* transition of benzophenone is due purely to 
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polarity/polarizability interactions and the addition of this cosolvent results in a 
markedly smaller shift from pure ethane than the addition of TFE. These results 
suggest that hydrogen bonding is the primary mechanism of ground state n-electron 
stabilization. In this case, the increased blue shift of the n->n* transition of 
benzophenone observed in TFE/SCF ethane solutions near the critical density are 
the result of increased hydrogen bonding at these densities. Local density and 
composition enhancements in the near critical region may play a role in this 
increased hydrogen bonding. 

Results suggest that hydrogen bonding is primarily responsible for the 
n-x* shift observed in cosolvent/SCF ethane systems. Viewing these 
spectroscopic phenomena as a local solvent effect, we use liquid data and chemical 
physical principles to predict the n->V transitions in SCF/cosolvent systems. A 
first order approximation of the local benzophenone cosolvent concentration has 
been made from the principles of chemical association and data for the 
benzophenone/TFE system in liquids. Assuming that the shifts of the n-x* 
transition in both liquids and SCF's are a similar function of this solvent 
environment, the shift in SCF's has been predicted from liquid data. 

Prediction of n-x* Shift in SCF's using: Liauid Data and Simple Model--In 
order to build a mathematical relationship between the solvent environment of 
benzophenone in the SCF and liquid phases, knowledge of the extent of hydrogen 
bonding in these phases is necessary. The extent of hydrogen bonding was estimated 
from the benzophenone/TFE hydrogen bonding equilibrium constant, K,, measured 
in liquids. Singh and coworkers measured this equilibrium constant from infrared 
spectroscopy for benzophenone in a binary mixture of TFE and carbon tetrachloride 
at 25°C (Singh et al., 1966). 

Equilibrium constants measured in the gas and liquid phases are related the 
true equilibrium constant, Ka, by the following expression: 

1 Ka = K y  @cum - 
@ B k S  

where B, CS, and Com indicate benzophenone, cosolvent, and hydrogen-bonded 
complex respectively; $ and y are the respective fugacity and activity coefficients of 
species i in the gas and liquid solution; and P refers to the system pressure. K, 
refers to the ratio of the hydrogen-bonded complex mole fraction to the product of 
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the mole fractions of the free hydrogen bonding species and K, refers to an 
equilibrium constant in terms of concentration units. 

For lack of further information, K, was equated to Ka and used to determine 
the extent of hydrogen bonding in the SCF system. This assumes ideal chemical 
theory, meaning that after accounting for the formation of the hydrogen bonded 
complex, the activity coefficient of the complex, TEE, and benzophenone are unity. 
In this way, K, is also assumed to be independent of the concentrations of 
benzophenone and TFE at which the measurement was made. K, was corrected to 
35°C using an enthalpy of formation determined by the method of Drago (Drago et 
al., 1971). 

Solution nonidealities were estimated using the Soave-Redlich-Kwong 
equation of state. The fugacity coefficients of the hydrogen bonded complex and of 
benzophenone were evaluated in their respective ternary solute/cosolvent/SCF 
ethane solutions. In these dilute solute systems, the fugacity coefficient of TEE was 
measured from a binary TFE/SCF ethane system, and the Joback modification of 
Lyndersen‘s method (Reid, 1987) was used to calculate T,, P,, and o for TFE, 
benzophenone, and the hydrogen-bonded complex. All binary interaction 
parameters were set to 0.1. 

The ratio, the extent of hydrogen bonding, is determined from Ka, the system 
pressure, and the ratio of fugacity coefficients at a given mole fraction of TFE as 
shown below. 

Relating the n-x* shifts in liquids and SCF’s requires scaling the effect clf 
hydrogen bonding on the local solvent environment in these media. To a first 
approximation, the concept of a local number density describes the local 
benzophenone environment in liquids and SCF’s based on the fraction of hydrogen- 
bonded to non-bonded molecules, the number of molecules in the solute’s first 
solvent shell (the coordination number), and the bulk mole fraction of the hydrogen 
bonding solvent (Xbulk). This local number fraction, p*, is defined as the number of 
cosolvent molecules in the first solvation shell about the probe molecule divided by 
the total number of molecules in this solvation shell. The total number of molecules 
in this first solvation shell corresponds to a phase-dependent constant coordination 
number. This analysis strictly applies to dilute solute solutions, in which 
solute/solute interactions are negligible. 

In SCF’s, p *  was calculated from the fraction of hydrogen bonded 
benzophenone molecules, as described previously, at the mole fractions and 
pressure of each spectroscopic measurement in TFE cosolvent. The coordination 
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number in SCF's was set to six. The benzophenone n-m* shift in SCF's was 
estimated from the liquid data at an equal value of p*. Local density and 
composition enhancements were neglected by using the bulk mole fraction of TFE 
and a constant coordination number; accounting for local density and composition 
enhancements, which are expected to be important at near critical conditions, is not 
trivial. 

Figure 25 compares the n-x* transition maxima predicted by this analysis 
for the benzophenone/TFE/SCF ethane system. These results are also tabulated in 
Table 19. These results are plotted as a function of density for several TFE 
concentrations (0.011 moles/liter, 0.034 moles/liter, and 0.22 moles/liter). This 
simple model is able to qualitatively describe the cosolvent concentration 
dependence of the n-x* shift, particularly in the case of the intermediate (0.034 
moles/liter) and high (0.022 moles/liter) TFE concentration runs. A more stringent 
test of the model is its ability to predict the density dependent behavior at the low 
TFE concentration (0.011 moles/liter). Although the value of this transition falls 
within the experimental range, the model underpredicts the n-x* transition at low 
densities and overpredicts this value at high system densities. 

The good qualitative agreement of the experimental and predicted shifts does 
not preclude further local composition enhancements. The inability of this model to 
capture the density-dependent behavior in the low concentration mns suggests that 
local composition enhancement may be an important factor in defining the local 
environment of the probe molecule. However, it would be inappropriate to model 
this enhancement from such a simplified approximation. 

.. . 

Basic Cosolvents 

In an effort to quantify the extent of solute/cosolvent specific interactions in 
the near critical region, we have investigated polar cosolvents with 7-azaindole as a 
probe molecule, protic cosolvents with benzophenone, and basic cosolvents with 4 
nitrophenol and 4nitroanisole, a pair of solvatochromic probes. This pair of probes, 
4-nitrophenol and 4-nitroanisole, has been used extensively in liquids for the 
determination of solvent effects on various physiochemical properties (Kamlet and 
Taft, 1976). $-Nitroanisole has been used previously to examine the cybotactic 
region of pure and mixed supercritical solvent systems (Yonker and Smith, 1988; 
Yonker et al., 1986). Results show enhancement of the cosolvent around the solute; 
however, these studies failed to separate the contributions of 
polarity /polarizability and specific interactions, such as hydrogen bonding. These 
probes were used in the development of the solvatochromic scales for liquids for 
use in linear free energy relationships. 

Nitrophenol is capable of interacting with basic cosolvents, while 4- 
nitroanisole is not. These probes are homomorphs and have similar characteristics 
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except for their hydrogen bonding ability; in other words, they have similar 
polarity/polarizability values, but differ in their hydrogen bonding abilities. An 
example is shown for the interaction of 4-nitrophenol and the cosolvent 
triethylamine in Figure 26. 

Shifts in the position of absorbance maxima for 4-nitrophenol and 4- 
nitroanisole are expected as solvent characteristics are altered by cosolvent 
concentration, pressure (density), and temperature. The absorption of each probe 
will be affected differently according to its ability for specific interactions with the 
cosolvent. The shift is expected to result from both solvent polarity/polarizability 
effects and 4-nitrophenol-cosolvent hydrogen bonding. In order to understand the 
relative importance of these interactions to our observed shifts, we studied the effect 
of a variety of cosolvents. 

Spectroscopic data for 4-nitrophenol and 4nitroanisole was measured using a 
UV-vis spectrometer modified for high pressure in double beam mode and a 
cosolvent injection system (Figure 8). A piston generator was used for addition of 
ethane to both cells (sample and reference), and an injection system was used for 
cosolvent addition. All experiments were performed at constant probe and 
cosolvent concentrations. The probe was dissolved in dichloromethane and added 
to the sample cell using a syringe. The probe concentrations were approximately 
2.le-4 moles/liter for 4-nitrophenol and 8.le-5 moles/liter for 4-nitroanisole. All 
spectra were recorded at 35OC with a cell path length of 7.5 ITUTL. The spectra were 
obtained as a function of density in SCF ethane from 48 bar to 100 bar. Assuming the 
density of pure ethane, this corresponds to a density range of 5 moles/liter to 12 
moles/liter. Pure ethane densities were calculated using a modified Benedict- 
Webb-Rubin equation of state (Younglove and Ely, 1987). Spectrum at different 
pressures were recorded, starting with a low pressure and incrementally going to 
higher pressures, to determine the wavelength of maximum absorption for each 
probe. The wavelength of maximum absorption was determined by a first 
derivative analysis of absorption spectrum. 

Comparison of the absorption shifts for these probes in different cosolvent 
systems will lead to a greater understanding of the nature of cosolvent effects in the 
near critical region. Cosolvents for this study were chosen based on their Kamlet- 
Taft values for polarizability/dipolarity (ne) and basicity (p) or hydrogen bond 
accepting capability as shown in Table 20. All of these cosolvents have very little or 
no capability for donating a hydrogen bond; their Kamlet-Taft values for acidity (a) 
or hydrogen-bond donating capability are extremely low compared to their basicity 
values. 

Using the high pressure UV-vis spectrophotometer, data for this pair of 
probes has been measured in pure SCF ethane and in cosolvent/SCF ethane systems 
to examine the extent of hydrogen bonding. Figure 27 compares the absorbance 
maxima for these two probes in SCF ethane and in a triethylamine (TEA) modified 
system at 4OOC. The addition of TEA to SCF ethane results in a significant shift in the 
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position of absorbance maxima for 4-nitrophenol, while no shift is observed for 4 
nitroanisole within experimental error in the same cosolvent/solvent environment. 
These results are consistent with our understanding of the chemistry of Lewis 
basicity as classified by Kamlet-Taft; hydrogen bonding is possible between the 
cosolvent TEA and 4-nitrophenol, but not with 4-nitroanisole. Similar trends are 
observed at 35OC as shown in Figure 28. The addition of TEA to SCF ethane results 
in a significant shift in the position of absorbance maxima for 4nitropheno1, while 
no shift is observed for 4-nitroanisole in the same cosolvent/solvent environment. 4 
nitroanisole is essentially not affected by TEA within experimental error, as 
compared to 4-nitrophenol, where there is a large shift in the wavelength of 
maximum absorption with the cosolvent system. These experiments were 
performed at a constant concentration of TEA (2.44e-3 moles/L for 35°C data and 
6.le-3 moles/liter for 4OOC). All of the following measurements are at 35OC instead 
of 4OoC, since shifts in maximum absorbance were observed even at very dilute 
cosolvent concentrations. The addition of small amounts of cosolvents alters the 
critical properties of ethane (T,= 32OC) but at such dilute conditions, 40°C is too far 
from the critical point. 

Since TEA is a good base, but only slightly polar, the effect of a more 
polar cosolvent was tested with &nitroanisole. Spectroscopic data for 4-nitroanisole 
is shown in Figure 29, in terms of the wavelength of maximum absorption as a 
function of density at 35°C. Data is shown in pure ethane and with propionitrile 
(PN) as a cosolvent .at a concentration of 4.77e-3 moles/liter. There is no shift in 
wavelength of maximum absorption, within experimental error. Therefore, basic 
(TEA) nor polar (PN) cosolvents significantly affect 4-nitroanisole. The absorbance 
maxima for 4-nitroanisole was not measured with all of the basic cosolvents shown 
in Table 20 since TEA, the most basic cosolvent shown, did not greatly affect this 
probe. 

Next, strong polar cosolvents were tested with 4nitrophenol. It is expected 
that the effect of polarity is the same for both probes, as this is part of the reason 
these probes were chosen as indicators for the solvatochromic scales. Experiments 
were performed with cosolvents in which no solute/cosolvent interactions were 
expected based on the chemical properties of these cosolvents as indicated by their 
solvatochromic parameters shown in Table 20. Figure 30 shows spectroscopic data 
for 4-nitrophenol in several cosolvent systems. Spectroscopic data for 4-nitrophenol 
with cyclohexane (3.27e-3 moles/L), dichloromethane (5.31e-3 moles/L), and 1,2- 
dibromoethane (3.95e-3 moles/L) as cosolvents in SCF ethane as a function of 
density at 35OC is shown. The effect of these cosolvents is comparable to data in 
pure ethane. A simple line is fit through the pure ethane data as a scale for 
comparison with the cosolvent data. Cyclohexane was used as a cosolvent as a 
double check, since it is not polar or basic. Dichloromethane was used as a 
cosolvent since it was used to dissolve the probe for introduction in the sample cell. 
This was a check to make sure we did not introduce any bias into the experimental 
results, since dishloromethane is polar. Finally, 1,2-dibromoethane is very 
polarizable and did not appear to affect the polarity/polarizability of the solvent 
environment. 
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Since very polar cosolvents did not affect the wavelength of maximum 
absorption for 4-nitrophenol, any effect seen with other cosolvents can be attributed 
to basicity contributions to the solvent environment. A comparison of several 
cosolvents with varying degrees of basicity is the next step for investigating the 
extent of solute/cosolvent interactions using probe molecules. Figure 31 shows the 
shifts of maxima absorption of 4-nitrophenol in SCF ethane with basic cosolvents 
and pure ethane as a function of density at 35°C. These results are attributed to 
differences in the hydrogen bonding abilities of the probe molecule with each 
cosolvent, since the shifts are in the same order as the Karnlet-Taft basicity 
parameters. There is also a bigger effect or shift at lower densities than at higher 
densities when comparing 4-nitrophenol in pure ethane and in each of the cosolvent 
systems, probably due to better solvation of the probes in the cosolvent systems. 
The cosolvent concentrations in moles/L are as follows: propionitrile 4.77e-3, 
methyl acetate 4.28e-3, tetrahydrofuran 4.18e-3, acetone 4.62e-3, and TEA 2.44e-3. 

Since data for 4-nitrophenol does fall in order of increasing basicity as 
defined by Kamlet-Taft solvatochromic parameters, a simple model using these 
solvent parameters was used to correlate the data. 

XYZ = XY& + aa + bp +sn* 

The equation shown is an example of a linear free energy relationship which was 
discussed in a previous section. a, p, and n* are solvent parameters indicative of a 
solvent's acidity, basicity, and polarity characteristics. a, b, and s are solute or probe 
molecule parameters based on the sensitivity of the solute to acidic, basic, and polar 
environments. We correlated frequencies which are inversely related to wavelength. 

Next, correlation results are compared with the actual measurements. Figure 
32 shows examples of cosolvent spectral data for 4-nitrophenol with the cosolvents 
of PN, TEA, and dimethylacetamide (DMA) at concentrations of 4.77e-3,2.44e-3, and 
3.65e-3 moles/liter respectively and the correlation results. References were taken as 
low density data for ethane, which is close to the critical density of ethane (6.8 
moles/liter), and the maximum shift in wavelength of maximum absorption, which 
is with the cosolvent DMA. Each of the correlation lines is proportional to the 
cosolvent basicity and these references. Since neither probe was affected by 
strongly polar cosolvents, the linear free energy relationship was simplified because 
terms with acidity and polarity were neglected. Solute parameters are available in 
the literature for both probes, but they were not needed since the solute parameter, 
b, canceled when comparing cosolvents. Nothing was incorporated to account for 
the density dependence in ethane. However, to a first approximation these 
cosolvent effects were correlated with a simple linear free energy relationship. 

The effect of temperature on 4-nitrophenol in pure ethane was also examined. 
Figure 33 shows absorption maxima data for this probe at several temperatures. The 
extent of the shift, along with the slope of the data, changes with increasing 
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temperature. As the temperature increases, data is taken further away from the 
critical temperature of ethane (Tc = 32.5OC). 

To summarize, we have used two solvatochromic probes to look at hydrogen 
bonding in a SCF solvent environment in order to separate contributions of basicity 
and polarity. We used a series of basic cosolvents, determined by their 
solvatochromic parameters in liquids, to see how they behaved in a SCF 
environment. We found that for the probe 4-nitrophenol, which is capable of 
interacting through hydrogen bonding, shifts in wavelength of maximum absorption 
increased in magnitude as the basicity of the cosolvent increased. These results are 
consistent with experimental data in liquids, in which 4-nitrophenol and 4- 
nitroanisole behave similarly in polar environments but differently in basic 
environments. Finally, we were able to correlate this data to a first approximation 
with a simple linear free energy relationship. 
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PHYSICAL-CHEMICAL MODELING IN SCF MIXTURES 

Physical-Chemical Thiory 

Developing an equation of state @OS) that models PVT and solubility 
behavior accurately in SCF's is challenging; most models give quantitative 
results only by introducing several adjustable parameters. Nevertheless, 
accurate models are vital to the design and evaluation of supercritical fluid 
processes. 

In the presence of cosolvents, solubilities may increase an order of 
magnitude or more relative to the pure SCF. In many cases, this increase cannot 
be explained by dispersion forces alone; there must be specific interactions 
between the solute and cosolvent, such as hydrogen bonding or charge-transfer 
complex formation. The commonly used cubic EOS's are based on mean field 
attractive interactions and cannot account for these specific interactions. 

Cosolvent effects, typically using 1 to 10 mol% cosolvent in a SCF mixture, 
commonly range from 2 to 5, but effects of up to 100 have been reported in the 
literature. It is already known that supercritical fluids can be tuned with 
pressure (density) and temperature, but cosolvent effect data suggest that 
chemical composition is another adjustable factor. In order to take full 
advantage of these cosolvent effects for processing purposes, a model is 
necessary. However, in order to be useful, the model should be somewhat 
predictive, and this is only possible by basing it on physical or real phenomena, 
which is a combination of physical and chemical forces. 

For the explanation of our modeling approach, let A be an acid, B a base, 
and I an  inert - the solvent. Chemical theory considers that there is a fourth 
species, the complex AB formed through the reaction 

A+B-AB 

Therefore, the stoichiometry of the solution or the number of moles is changed, 
and the compressibility has to be changed accordingly. Initially, the number of 
molecules in solution has to be determined. This is done by solving mass 
balances for each compound, A and B, and taking into account that the mole 
fractions must add up to one, which results in the following equations : 



where no is the total number of moles without considering complex formation, n, 
the total number of moles taking complex formation into account, y, the 
observed mole fraction of species i, zi the true mole fraction of species i, and KAB 
the equilibrium constant for the complex formation. 

In general, when considering a chemical equilibrium of the type 

i A + j B e A i B j  

one can associate the corresponding thermodynamic equilibrium 

and the chemical potential, p, of any compound is given as the sum of an ideal 
term or reference state and a deviation from ideality according to 

where fi is the fugacity of component i. Now, we can write the thermodynamic 
equilibrium condition as 

Since, the right hand side is a fundion of temperature only, we can deduct that 
the left hand side is also a function only of temperature. We can therefore 
rewrite the equilibrium equation as 

Considering these general equations and the true mole fractions notation in the 
case of our aad-base equilibrium, we have 



so that in our mass balance equations, the equilibrium constant KAB is actually 
defined as 

The fugacity coefficients of the compounds A, B, and AB need to be calculated to 
solve the mass balance relationships, and it is necessary that the left hand side of 
equation (16) depends only on pressure. In order to satisfy this last condition, 
and the considerations of an infinite equilibrium model, Heidemann and 
Prausnitz (1976) developed a new mixing rule as follows considering this series 
of equilibria: 

They used the traditional quadratic mixing rules 

In order to define the physical molecular properties of the complexes, they then 
assumed : 

d 

b j  = j  bl (20) 
and 



and 

where the true number of moles is given as 
00 

n T = n l + n 2 + n 3 +  ...= Xni . 

i=l 

and the true number of moles of A is 

Note that the term, w, in the term amix was originally one, but this value was 
relaxed to any value between 0 and 1 by Hu et al.(1984). Considering these 
mixing rules, the following ratio defined as a can be shown to be independent of 
the equilibrium considered, j, in the infinite series of equilibria: 

It can also be written as 

where 4 is the reduced density, A*the Helmholtz free energy required to inflate 
an ideal-gas mixture at T and V (a point) to form a mixture of hard-spheres, and 
A** is the free energy required to charge the mixture with an attractive potential. 
As expected, the ratio is still a function of the reduced density of the mixture. 

The same kind of treatment can be applied to the simple equilibrium (R-1) 
and in the particular case of the cubic equation of state of the Peng-Robinson or 
Soave-Redlich-Kwong type, one finds that 

and the fugacity coefficient of component, i, in the mixture can be written as 



The numerical application of this model requires an initial guess of nJnd 
a solution of the cubic for the molar volume v, and then the solution of the mass 
balances. The newly obtained ratio %/no is tested for convergence. In order to 
solve for the solubility of the solute, an additional step must be added to the 
algorithm, which is to guess the mole fraction of the solute. Then, the equations 
must be solved as described above and checked to see if the thermodynamic 
phase equilibrium criterion is satisfied. This criterion is 

solid fluidphase 
fsolute = fsolute 

which is written as 

Simplification of the Theory 

The application of the model is therefore not straightforward. It requires 
the saturation pressure to be known, as well as the solubility of the solute in the 
pure supercritical fluid, in order to regress the binary interaction parameter 
between the solute and the solvent. Most often, the saturation pressure is not 
available, and it is usually difficult to measure. As we have shown previously 
(p. 5), we have developed a technique that allows for rapid measurement of 
cosolvent effects directly. For application of a model to measurements of 
cosolvent effects such as these, the theory has been simplified. 

The criterion for phase equilibrium can be written 

binary - solidphase ternary 
fsolute -fsolute = fsolute 

where binary stands for solvent/solute, and ternary for 
solvent/cosolvent/solute. In effect, equilibrium is reached in both cases with the 



pure solid phase, and the fugacity is only a function of the pressure of the 
system. This simplifies to 

bin bin - ter ter Y .  a. -z i  @i 

and the cosolvent effect is therefore written as 

(33) 

The evaluation of the second term is as follows : 

Combining equations (17, (34) and (35), results in the following expression 

this equation can be simplified further 

Considering the level of dilution of the solutes in the systems of interest, 
this assumption is justified, since total complexation corresponds to about 1% of 
the cosolvent concentration in the cases of interest. Accordingly the calculations 
can be greatly simplified by considering both the solute and the complex to be 
infinitely dilute. Finally, there are only two adjustable parameters, the binary 
interaction parameter between the solute and the solvent and the equilibrium 
constant between the solute and the cosolvent. The binary interaction parameter 
between the solvent and the cosolvent is regressed using binary data. 

We have applied this simplified model to the systems listed in Table 21, 
and typical results are shown in Figure 34 for the case of Naproxen with 2- 
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propanol. This experimental data was used instead of our chromatographic data 
because of the pressure and temperature ranges. As can be seen visually and 
statistically, the model is in good agreement with the data. However, the 
systems examined give cosolvent effects ranging on the order of 5 to 50. For 
systems with smaller cosolvent effects, where dipole/dipole and dipole/induce 
dipole types of interactions seem essential, alternative models should be 
developed. On the other hand, when a strong interaction OCCUTS, as is the case 
for charge transfer complex formation, we can model the equilibrium constant 
pressure dependence independently, as explained in the following section. 

Modeling of the Charge-Transfer Equilibrium 

According to the previous discussion, the observed equilibrium constant 
KAo in the UV-vis experiment with the charge transfer complex formation 
between hexamethylbenzene and tetracyanoethylene (p. 13) is such that we can 
write : 

where P' and P" are two arbitrary pressures. This is needed since the value of 
the right hand side in equation (9) is not known; this is the gas phase value. 
Therefore, we need to regress the trend of the data, which is dimensionless and 
can be obtained as 

The left hand side can be observed experimentally, whereas the right hand side 
is computed with a model. The fugacity coefficients are a measure of the 
solvating power of the supercritical fluid on the solutes of interest, whether A, B, 
or the complex AB. Therefore, we are really examining a differential solvation 
phenomena between the complex and the solutes. The SRK equation of state 
was used to model fugacities of the compounds in solution. The assumption 
was made that the interaction between the two solutes, TCNE and HMB, is 
completely described by the chemical equilibrium. Therefore, the parameters to 
be regressed are the binary interaction parameters between each solute 
(including the complex) and the solvent. 
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In order to reduce the number of dependent adjustable parameters, we 
measured the solubility of HMB and TCNE in SCF ethane and regressed the 
corresponding binary parameters using this data. We measured the solubility of 
HMB with a conventional flow apparatus using a n  analytical method reported 
previously. Due to the unavailability of the vapor pressure and of the critical 
parameters for TCNE, and the difficulty of measuring such low solubilities, we 
measured it at only one pressure (69 bars) using a commercial extractor (EX0 
extractor SFX-210) modified for these measurements. The vapor pressure of 
TCNE was estimated using a corresponding states correlation (Reid et al., 1987). 
The data and the regressed binary interaction parameters are given in Table 22. 
P w a s  arbitrarily taken as the lowest experimental pressure, 53.4 bars. 

M e r  regressing the binary interaction parameters, only one parameter 
remains to be modeled, which is the trend of the equilibrium constant. The 
equilibrium constant describes the binary interaction parameter between the 
solvent and the complex. This, however, requires a description of the complex 
in terms of the parameters relevant for this type of model. In the particular case 
of a cubic equation of state, these parameters are the critical temperature, 
pressure, and the Pitzer's accentzic factor. In order to obtain these parameters, 
we assumed a molecular structure as shown in Figure 35, and computed the 
corresponding critical parameters using Ambrose and Joback's modification of 
Lydersen techniques (Reid,1987). The parameters for TCNE were also 
estimated. The values retained for modeling are given in Table 23. , .. 

The %&ID is defined as - 
N for the regression of the binary 

7 
@AB 

@A% 
where KQ, = 

for the complexsolvent binary interaction parameter, &4. N is the number of 
data points. Figure 36 shows how the value of this parameter affects the 
pressure dependence of the normalized equilibrium constant. The normalized 
experimental data and the optimized model results are also shown in this figure. 
Figure 37 shows the fit with the actual data after calculation of the equilibrium 
constant at the reference pressure. As shown, the fit agrees well with the 
experimental data. k4 is found to be -0.024 and %AAD = 5.23 %. The 95 % 



confidence interval of the equilibrium constant is (8.24 20.43) 10” bars. The 
fairly narrow definition of this interval is obviously related to the magnitude of 
the %AAD. 

We have shown how an EOS of model can be used to describe 
experimental data with cosolvent/SCF systems in which specific interactions are 
important. This simplified model has been applied to a case where there is a 
large cosolvent effect on solubility and to a case of charge-transfer equilibrium. 
The charge-transfer equilibrium has been modeled using experimentally 
measured equilibrium constants and solubility data. Both models are in good 
agreement with the experimental data. 
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SUMMARY 

Supercritical fluids show potential for a variety of coal processing 
applications. Application of SCF technology to these processes is limited by 
available information on the phase equilibria of coal compounds in SCF solutions 
and cosolvent effects on these solubilities. We have taken a molecular-based 
approach to developing a physical-chemical equation of state. 

We have extended the solubility database of model coal compounds in SCF's 
using two techniques. A conventional flow apparatus has been used for solubility 
measurements in pure and mixed SCF's, and a novel SCF chromatographic 
technique has been used for the rapid measurement of cosolvent effects or the 
relative increase in solubility with a cosolvent/SCF mixture, as compared to the 
pure fluid. 

From spectroscopic investigations we have obtained information about the 
molecular interactions in SCF solutions that cannot be obtained from bulk phase 
properties. The specific interactions of charge-transfer complexation and hydrogen 
bonding have been investigated using fluorescence and UV-vis spectroscopy. 
Intermolecular charge transfer complex formation between hexamethylbenzene and 
tetracyanoethylene has been observed for the first time in SCF ethane, and in an 
effort to quantify the extent of solute/cosolvent hydrogen bonding in the near 
critical region, we have investigated polar cosolvents with 7-azaindole as a probe 
molecule, protic cosolvents with benzophenone, and basic cosolvents with 4- 
nitrophenol and 4-nitroanisole, a pair of solvatochromic probes. These 
spectroscopic results have been correlated with simple models and/or compared 
with experimental data in liquids. 

Using this solubility database and information about specific interactions in 
SCF solutions, we have developed an EOS model that describes the SCF solvent 
environment. This physical-chemical EOS model is based on spectroscopically 
determined equilibrium constants and solubility data, which reduces the number of 
adjustable parameters needed to model cosolvent effects. This model is a step 
towards the goal of tailoring SCF cosolvent systems to specific applications through 
knowledge of the chemical interactions which are significant to the SCF solvent 
environment. 

37 



PUBLICATIONS AND PRESENTATION§ 

PUBLICATIONS: 

1. 

2. 

3. 

4. 

5. 

6. 

7. 

8. 

9. 

10. 

M. P. Ekart, J. F. Brennecke, C. A. Eckert, "Molecular Analysis of Phase 
Equilibria in Supercritical Fluids," in "Supercritical Fluid Technology,'' 165- 
192, CRC Press, J. Ely and T. Bruno, Eds., (1991). 

B. L. Knutson, D. L. Tomasko, C. A. Eckert, P. G. Debenedetti, A. A. Chialvo, 
"Local Density Augmentation in Supercritical Solutions: A Comparison 
Between Fluorescence Spectroscopy and Molecular Dynamics Results," in 
"Supercritical Fluid Technology,'' F. V. Bright and M. E. P. McNally, Eds., 
ACS Symposium Series, 488,60-72, ACS, Washington, D.C., (1992). 

D. L. Tomasko, B. L. Knutson, C. A. Eckert, "Fluorescence Investigation of 
Cosolvent/Solute Interactions in Supercritical Fluid Solutions," in 
"Supercritical Fluid Technology," F. V. Bright and M. E. P. McNally, Eds., 
ACS Symposium Series, 488,84-91, ACS, Washington, D.C., (1992). 

D. L. Tomasko, B. L. Knutson, J. M. Coppom, W. Windsor, B. West, C. A. 
Eckert, "Fluorescence Spectroscopic Study of Alcohol-Solute Interactions in 
Supercritical Carbon Dioxide," ACS Sv muosium Series, 514, 220-227, 
Washington, D.C., (1993). 

M. P. Ekart, K. L. Bennett, C. A. Eckert, "Effects of Specific Interactions in 
Supercritical Fluid Solutions: A Chromatographic Study," ACS Sy mDosium 
Series, 514,228-235, ACS, Washington, D.C., (1993).). 

C. A. Eckert, D. L. Bergmann, D. L. Tomasko, M. P. Ekart, "Modeling 
Solutions Containing Specific Interactions," Accf Chem Res, 26,621-627 (1993). 

D. L. Tomasko, B. L. Knutson, F. Pouillot, C. L. Liotta, C. A. Eckert, 
t'Spectroscopic Study of Structure and Interactions in Cosolvent-Modified 
Supercritical Fluids," 1. Phys C h ,  97,11823-11834 (1993). 

M. P. Ekart, K. L. Bennett, S. M. Ekart, G. S. Gurdial, C. L. Liotta, C. A. Eckert, 
"Cosolvent Interactions in Supercritical Fluid Solutions," AIChE J, 39,235-248 
(1993). 

C. A. Eckert, B. L. Knutson, "Molecular Charisma in Supercritical Fluids," 
Fluid Phase Equil, 83,93-100 (1993). 

B. L. Knutson, K. L. Bennett, C. L. Liotta, C. A. Eckert, "Benzophenone as a 
Probe of Local Cosolvent Effects in Supercritical Ethane," Ind. Eng. Chem. 
Res., submitted, (1994). 

38 



11. F. L. Pouillot, C. A. Eckert, "Specific Interactions in Supercritical Fluids, It 

Fluid Phase Equil., submitted, (1994). 

PRESENTATIONS: 

Invited Lectures: 

12. 

13. 

14. 

15. 

16. 

17. 

18. 

19. 

20. 

21. 

22. 

23. 

"Molecular Thermodynamics of Supercritical Fluid Processes,'' Chemical 
Engineering Department, University of Houston, Houston, TX, February 8, 
1991. 

"Opportunities in Supercritical Fluid Processing," Creativity Committee, Du 
Pont Chemicals, Wilmington, DE, June 13,1991. 

"Supercritical Fluid Thermodynamics for Coal Processing;' DOE Review, 
Pittsburgh, PA, June 25,1991. 

"Charisma in Supercritical Fluids," Advanced Supercritical Fuels Workshop, 
Dayton, OH, September 4,1991 (with B. L. Knutson). 

"Cosolvent Effects and Reactions in Supercritical Fluids," Milliken Corp., 
Spartanburg, SC, September 18,1991. 

"Tailoring Supercritical Fluids for Extraction Processes," Fourth International 
Conference on Separation Technology, Kona, HI, October 21,1991. 

"Molecular Thermodynamics of Supercritical Fluid Processes," Chemical 
Engineering Department, University of Pennsylvania, Philadelphia, 
November 4,1991. 

"Solvent Selection for Chemical Processes,'' Sandoz Technology Ltd., Basel, 
Switzerland, March 20,1992. 

"Molecular Thermodynamics of Supercritical Fluid Processes," Ecole 
Nationale Superiewe d'hgenieurs de Genie Chemique, Institut National 
Polytechnique de Toulouse, France, March 25,1992. 

"Molecular Thermodynamics of Supercritical Fluid Processes," Chemical 
Engineering Department, University of Toledo, Toledo, OH, April 22,1992. 

"Molecular Thermodynamics of Supercritical Fluid Processes,'' Chemistry 
Department, University of Minnesota, Minneapolis, MN, August 10,1992. 

"A Molecular Approach to Supercritical Fluid Solutions,'' AIChE Annual 
Meeting, Miami, FL, November 4,1992 (with G. S. Gurdial and B. L. 
Knutson). 

39 



24. "Applications of Supercritical Fluid Processing to Environmental Control," 
Environmental Engineering Group, Georgia Tech, Atlanta, GA, February 17, 
1993. 

25. "Solvent Selection for Chemical Processes," h o c 0  Chemical Co., Naperville, 
IL, March 1,1993. 

26. "A Molecular Approach to Supercritical Fluid Processes," Department of 
Mechanical and Aerospace Engineering, Princeton University, Princeton, NJ, 
April 20,1993. 

27. "Supercritical Fluid Thermodynamics for Coal Processing,'' DOE Review, 
Pittsburgh, PA, June 22,1993. 

28. "Solvent Selection for Chemical Processes," Delaware Section of AIChE, 
Wilmington, DE, September 8,1993. 

29. "Molecular Charisma in Supercritical Fluids," Chemical Engineering 
Department, Wayne State University, Detroit, MI, September 20,1993. 

30. "Supercritical Fluids - Properties and Applications," AEEP/NSF Research 
Opportunities Conference, Ann Arbor, MI, September 21,1993. 

31. "Molecular Tailoring of Supercritical Fluid Solvents for Environmental 
Control," ACS Symposium on "Emerging Technologies in Hazardous Waste 
Management,'' Atlanta, GA, September 27,1993 (with B. L. Knutson, F. L. 
Pouillot, and K. R. Padgett). 

32. "Molecular Charisma in Supercritical Fluids," Chemistry Department, 
University of Georgia, Athens, GA, October 27,1993. 

33. "Molecular Thermodynamics of Supercritical Fluid Processes," Chemical 
Engineering Department, University of Pittsburgh, Pittsburgh, PA, October 
29,1993. 

34. "Molecular Charisma in Supercritical Fluids," Chemistry Department, State 
University of New York, Buffalo, NY, March 25,1994. 

35. "Solvent Selection for Chemical Processes,'' International Flavors and 
Fragrances, Union Beach, NJ, August 23,1994. 

36. "Molecular Charisma in Supercritical Fluids," Chemistry Department, 
University of New Orleans, New Orleans, LA, September 30,1994. 

37. "Molecular Thermodynamics of Supercritical Fluid Processes,'' Union 
Carbide Corporation, Charleston, WV, November 3,1994. 

40 



38. "Molecular Thermodynamics of Supercritical Fluid Processes," Chemical 
Engineering Department, University of South Carolina, Columbia, SC, 
November 10,1994. 

Other presentations: 

39. 

40. 

41. 

42. 

.. . 43. 

44. 

45. 

46. 

47. 

48. 

llSpectroscopic Study of Cosolvent/Solute Interactions in Supercritical Fluid 
Solutions," ACS National Meeting, Atlanta, GA, April 15,1991 (with D. L. 
Tomasko and B. L. Knutson). 

"Local Density Augmentation in Supercritical Fluid Solutions: Comparison 
of Spectroscopic and Molecular Dynamics Results," ACS National Meeting, 
Atlanta, GA, April 15,1991 (with B. L. Knutson, D. L. Tomasko, I. B. Petsche 
and P. G. Debenedetti). 

"Measurements of Cosolvent Effects with Supercritical Fluid 
Chromatography," Second International Symposium on Supercritical Fluids, 
Boston, MA, May 20,1991 (with M. P. Ekart). 

"Local Density Enhancements in Dilute Supercritical Mixtures: Comparison 
between Theory and Experiment," AIChE Annual Meeting, Los Angeles, CA, 
November 18,1991 (with P. G. Debenedetti, A. Chialvo, and B. L. Knutson). 

"The Molecular Interpretation of Spectroscopic Effects in Supercritical 
Fluids," AIChE Annual Meeting, Los Angeles, CA, November 20,1991 (with 
D. L. Tomasko). 

"Cosolvent Effects in Supercritical Fluids," AIChE Annual Meeting, Los 
Angeles, CA, November 20,1991 (with M. P. Ekart). 

"Molecular Charisma in Supercritical Fluids," Sixth International Conference 
on Fluid Properties and Phase Equilibria for Chemical Process Design, 
Cortina d'Ampezzo, Italy, July 22,1992 (with B. L. Knutson). 

"Supercritical Fluid Separation of Organic Acids," AIChE Annual Meeting, 
Miami, FL, November 3,1992 (with K. P. Payne, M. P. Ekart, B. L. Knutson, 
G. S.  Gurdial, and L. S. Scott). 

"The Use of Spectroscopy to Determine Thermophysical Properties," AIChE 
Annual Meeting, Miami, FL, November 4,1992 (with B. L. Knutson, M. P. 
Ekart, F. Pouillot, and D. L. Tomasko). 

"Cosolvent Effects in Supercritical Fluids by Chromatography," Pittsburgh 
Conference, Atlanta, GA, March 9,1993 (with K. R Padgett). 

41 



49. "Applications of Local Phenomena to Supercritical Fluid Processes," AIChE 
Annual Meeting, St. Louis, MO, November 9,1993 (with B. L. Knutson). 

50. "Specific Interactions in Supercritical Fluids,'' Third International 
Sfbposium on Supercriticd Fluids, Strasbokg, France, October, 1994 (with 
F. Pouillot). 

51. "The Role of Specific Interactions on Cosolvent Effects in Supercritical 
Fluids," AIChE Annual Meeting, San Francisco, CA, November 14,1994 (with 
K. R Padgett, F. L. Pouillot, and C. L. Liotta). 

42 



REFERENCES 

Ambrose, D.; Lawrenson, I. J.; Sparke, C. H. S., "The Vapor Pressure of 
Hexamethylbenzene," J. Chem. Thmodynarnics, 1976,8,503. 

Angus, S.; Armstrong, B.; de Reuck, K. M., International Thermodynamic 
m l e s  of the Flu id State, Ca rbonDioxide, Pergamon Press, Oxford, UK, 
1976, Vol. 3. 

Avouris, P.; Yang, L. L.; El-Bayoumi, M. A., "Excited State Interactions of 
7-Azaindole with Alcohol and Water," Phofochem. and Phofobiol., 1976, 
24,211. 

Bartle, K. D.; Clifford, A. A.; Jafar, S. A., "Relationship between Retention of a 
Solid Solute in Liquid and Supercritical Fluid Chromatography and 
its Solubility in the Mobile Phase,'' J. Chem. SOC. Faraday Trans., 1990a, 
86,855. 

Bartle, K. D.; Clifford, A. A.; Jafar, S. A., "Measurement of Solubility in 
Supercritical Fluids Using Chromatographic Retention: the Solubility 
of Fluorene, Phenanthrene, and Pyrene in Carbon Dioxide," J. Chem. 
Eng. Data, 1990b, 35,355. 

Becker, R S., 'The Nature and Special Effects of the Interaction of Certain 
Polar Solvents with Benzophenone,'' J. Molec. Spec., 1959,3,1. 

Benesi, H. A.; Hildebrand, J. H., "A Spectrometric Investigation of the 
Interaction of Iodine and Aromatic Hydrocarbons," J. A. Chem. SOC., 
1949,71,2703. 

Berger, T. A.; Deye, J. F., "Composition and Density Effects Using 
Methanol/Carbon Dioxide in Packed Column Supercritical Fluid 
Chromatography," Anal. Chem., 1990,62,1181. 

Brealey, G. H.; Kasha, M., J. Am. Chem. SOC., 1955,77,4462. 

Brennecke, J. F.; Tomasko, D. L.; Peshkin, J.; Eckert, C. A., "Fluorescence 
Spectroscopy Studies of Dilute Supercritical Solutions," Ind. Eng. 
Chem. Res., 199Oa, 29,1682. 

Brennecke, J. F.; Tomasko, D. L.; Eckert, C. A., "Pyrene Excimer and Naphthalene/Tri- 
ethylamine Exciplex Formation in Supercritical Fluid Solutions," J. 
Phys. Chem., 1990b, 94,7692. 

Brennecke, J. F.; Eckert, C. A., ''Phase Equilibria for Supercritical Fluid 
Process Design," AIChE J., 1989a, 35(9), 1409. 

43 



Brennecke, J. F.; Eckert, C. A., "Fluorescence Spectroscopic Studies of 
Intermolecular Interactions in Supercritical Fluids, " in Supercritical Fluid 
Science and Technolopv, K. P. Johnston and J. M. L. Penninger, E&. 
ACS Symposium Serie% 406,1989b, Chapter 2 

Cochran, H. D.; Lee, L. L., "Solvation Structure in Supercritical Fluid 
Mixtures Based on Molecular Distribution Functions," in Supe rcritical 
fluid Science and Techno locy, K. P. Johnston and J. M. L. Penninger, 
Eds. ACS Sv mDosium Se ries, 406,1989, Chapter 3. 

Collins, S. T., "Exciplex Formation in Alcohol and Water Solutions of 7- 
Azaindole," J. Phys. Chem., 1983,87,3202. 

Dewar, M. J. S.; Stewart, J. J. P., "A New Procedure for Calculating Molecular 
Polarizabilities; Applications Using MNDO," Chem. Phys. Lett., 1984, 
111,416. 

Dobbs, J. M.; Wong, K.; Wong, J. M.; Johnston, K. P, "Nonpolar Cosolvents for 
Solubility Enhancement in Supercritical Fluid Carbon Dioxide," J. 
Chem. Eng. Data, 1986,31 (3), 303. 

Dobbs, J. M.; Wong, J. M.; Lahiere, R J.; Johnston, K. P., "Modification of 
Supercritical Fluid Phase Behavior Using Polar Cosolvents," Ind. Eng. 
Chem. Res., 1987,26,56-65. 

Predicting Enthalpies of Adduct Formation," J. Am. C h .  SOC., 1971,93, 
6014. 

Drago, R. S.; Vogel, G. C.; Needham, T. E., "A Four-Parameter Equation for 

Eckert, C. A.; Ziger, D. H.; Johnston, K. P.; Kim, S., "Solute Partial Molar 
Volumes in Supercritical Fluids," J. Phys. Chem., 1986,90,2738. 

Eckert, C. A.; Knutson, B. L., "Molecular Charisma in Supercritical Fluids," 
Fluid Phase Equilibria, 1993,83,93. 

Ekart, M. P.; Bennet, K. L.; Eckert, C. A., "A Chromatographic Technique to 
Study the Effects of Specific Interactions in Supercritical Fluid 
Solutions,'' ACS Sym. Ser., 1993a, 514, Ch. 18. 

Ekart, M. I?.; Bennett, K. L.; Ekart, S. M.; Gurdial, G. S.; Liotta, C. L.; Eckert, C. 
A., "Cosolvent Interactions in Supercritical Fluid Solutions," AIChE 
Journal, 1993b, 39 (2), 235. 

Ewald, A. H., "Effect of Pressure on Charge Transfer Complexes in Solution," 
Trans. Farad. SOC., 1968,64,733. 

44 



Gurdial, G., "Solubility Behavior of Organic Compounds in Supercritical 
Carbon Dioxide," Ph.D. Thesis, University of New South Wales, 
Australia, 1991. 

Heidemann, R. A.; Prausnitz, J. M., "A Van der Waals-type Equation of State 
for Fluids with Associating Molecules," Proc. Nafl. Acd. Sci. USA, Vol. 
73, NO 6,1773-1776,1976. 

Hori, K.; Obazaki, S.; Uematsu, M.; Watanabe, K. "An Experimental Study of 
Thermodynamic Properties of Trifluoromethane," Proc. Symp. Them. Prop., 
1982,8,380. 

Hu, Y.; Azevedo, E.; Ludecke, D.; Prausnitz, J.M., 'Thermodynamics of 
Associated Solutions: Henry's Constants for Nonpolar Solutes in 
Water," Fluid Phase Equilibria, 1984,17,303-321. 

Ingham, K. C.; El-Bayoumi, M. A., "Photoinduced Double Proton Transfer in 
a Model Hydrogen Bonded Base Pair. Effects of Temperature and 
Deuterium Substitution,'' J. Am. Chem. Soc., 1974,96(6), 1674. 

Ito, M.; Inuzuka , K.; Imanishi, S., "Effect of Solvent on the n-x* Absorption 
of Ketones," J. Am. Chem. SOC., 1960,82,1317. 

Johnston, K. P.; Kim, S., "Clustering in Supercritical Fluid Mixtures," AIChE J., 
1987,33,1603. 

Kajimoto, 0.; Futakami, M.; Kobayashi, T., Yamasaki, K., "Charge-Transfer- 
State Formation in Supercritical Fluid (N,N-Dimethylamino)- 
benzonitrile in CFsH," J. Phys. Chem., 1988,92,1347. 

Kamlet, M. J.; Taft, R. W., "The Solvatochromic Comparison Method. 1. The 
Scale of Solvent Hydrogen-Bond Acceptor (HBA) Basicities,'' J. Am. 
Chem. SOC., 1976,98,377. 

Kamlet, M. J.; Taft, R W., "The Solvatochromic Comparison Method. 6. The E* 
Scale of Solvent Polarities," 1. Am. Chem. Soc., 1977,99,6027. 

Kamlet, M. J.; Abboud, J. L.; Abraham, M. H.; Taft, R W., "Linear Solvation 
Energy Relationships. 23. A Comprehensive Collection of the 
Solvatochromic Parameters, n*, a, p and Some Methods for 
Simplifying the Generalized Solvatochromic Equation," J. Org. Chem., 
1983,48,2877. 

Kim, S.; Johnston, K. P., "Molecular Interactions in Dilute Supercritical Fluid 
Solutions," Ind. Eng. Chem. Res., 1987,26,1206. 

45 



Knutson, B. L.; Tomasko, D. L.; Eckert, C. A.; Debenedetti, P. G.; Chialvo, A. 
A., "Local Density Augmentation in Supercritical Solutions: A 
Comparison Betw6en Fluorescence Spectroscopy and Molecular 
Dynamics Results," in Supercritical Fluid Technolow F. V. Bright 
and M. E. P. McNaUy, Eds., ACS S y m ~  - osium Series, 488,1992,84-91. 

Landolt-Bornstein, Zuhlenwerfe und Funktwnen, 6th ed., Vol.1, Part 3, p. 510, 
Springer-Verlag, Berlin, 1951. 

Lemert, R. M.; Johnston, K. P., "Solid-Liquid-Gas Equilibria in Multi- 
component Supercritical Fluid Systems," FZuid Phase Equil., 1989,45, 
265. 

McMorrow, D.; Artsma, T. J., "Solvent-Mediated Proton Transfer. The Roles 
of Solvent Structure and Dynamics on the Excited-State 
Tautomerization of 7-Azaindole/Alcohol Complexes," C h .  Phys. 
Left., 1986,125,581. 

Petsche, I. B.; Debenedetti, P. G., "Solute-Solvent Interactions in Infinitely 
Dilute Supercritical Mixtures: A Molecular Dynamics Investigation," 
J. Phys. Chem., 1989,91 (ll), 7075. 

Reid, R. C.; Prausnitz, J. M.; Poling, B. E., The Properties of Gases and 
Liquids, 3rd ed., McGraw-Hill Book Co., New York, 1987. 

Roberts, C. B.; Chateauneuf, J. F.; Brennecke, J. F., ''Unique Pressure Effects on 
the Absolute Kinetics of Triplet Benzophenone Photoreduction in 
Supercritical C02," J. Am. Chem. SOC., 1992,114(22), 8455. 

Scott, R. L., "Some Comments on the Benesi-Hildebrand Equation," Rec. Truu. 
Chim., 1956,75,787. 

Singh, S.; Murthy, A. S. N.; Rao, C. N. R, "Spectroscopic Studies of Hydrogen 
Bonding in Donor Acceptor Systems," Trans. Furuduy SOC., 1966,62, 
1056. 

Tamaki, T., "Steady-State Kinetic Studies on the Exciplex Formation between 
Indoles and n-Butyl Alcohol," J. Phys. C h . ,  1983,87,2383. 

Ting, S .  T.; Macnaughton, S. J.; Tomasko, D. L.; Foster, N. R., "Solubility of 
Naproxen in Supercritical Carbon Dioxide With and Without 
Cosolvents," Ind. Eng. Chem. Res., 1993,32,1471-1481. 

Tomasko, D. L., "Spectroscopic and Thermodynamic Studies of Supercritical 
Fluid Solutions Containing a Cosolvent," Ph.D. Thesis, University of 
Illinois, 1992a. 

46 



Tomasko, D. L.; Knutson, B. L.; Eckert, C. A.; Haubrich, J. E.; Tolbert, L. M., 
"Fluorescence Investigation of Cosolvent/Solute Interactions in 
Supercritical Fluid Solutions," in SuDe rcritical Fluid Solub 'on% F. V. 
Bright and M. E. P. McNally, Eds., A& Sy mposium Series, 488,1992b, 
Chapter 7. 

Tomasko, D. L.; Knutson, B. L.; Pouillot, F.; Liotta, C. L.; Eckert, C. A., 
'Spectroscopic Study of Structure and Interactions in Cosolvent- 
Modified Supercritical Fluids," J. Phys. Chem., 1993a, 97,1823. 

Tomasko, D. L.; Knutson, B. L.; Coppom, J. M.; Windsor, W.; West, B.; Eckert, 
C. A., "Fluorescence Spectroscopy Study of Alcohol-Solute 
Interactions in Supercritical Carbon Dioxide," in Suoercritical Fluid 
Engineering Science: Fundamentals and AD plications, E. B a n  and J. F. 
Brennecke, Eds., ,ACS Sv mposium Series, 514,1993b, Chapter 17. 

Walker, M. S.; Bednar, T. W.; Lumry, R, "Exuplex Studies. II. Indole and 
Indole Derivatives,'' J. Chem. Phys., 1967,47(3), 1020. 

Walmley, J. A., "Self-Association of 7-Azahdole in Nonpolar Solvents," J. 
Phys. Chem., 1981,85,3181. 

Yonker, C. R.; Frye, S. L.; Kalkwarf, D. R.; Smith, R D., "Characterization of 
Supercritical Fluid Solvents Using Solvatochromic Shifts," J. Phys. 
Chem., 1986,90,3022. 

.' Yonker, C. R.; Smith, R. D., "Solvatochromic Behavior of Binary Supercritical 
Fluids: The Carbon Dioxide/2-Propanol System," 1; Phys. Chem., 1988, 
92,2374. 

Younglove, B. A.; Ely, J. F., "Thermophysical Properties of Liquids. II. 
Methane, Ethane, Propane, Isobutane, and Normal Butane," I; Phys. 
Chem. Ref. Data, 1987,16(4), 577. 

47 



r 
I 

Note: Not Drawn I 
to size 

I 
I 
I 
I 
I 

Pump 

Sampling Loop 

I 
I 
I 
I 
I - -  

Saturator I I 
1 

I I 

Temperature Bath 

Figure 1 Schematic of Solubility Apparatus 



L 

4- 
Q) 
3 

E 
8 

r -  

r;F 
I- - 

P 

0 

c3) 
C 
x 

E 
m 

f 
.- 

L L  

cv 
a, 
3 rn 
L 

ii 



Thermocouple 7 

Jerguson 
Gauge - 

I 
I :9- 

/ 
/ 

/ 
/ 

/ 
/ 

0 0 

0 

O O  0 0 

/ 

/ 
Syringe 
Pump 

Tern p e rat u re 
Bath 

Figure 3. Schematic of SCF/Cosolvent Solution 
Phase Boundary Apparatus 



l o  

10 

0 AA. 
Ll A *  A 

n 
rn 

cot 
-8, 13 SFC 

a Johnston et 01. 
( I  982) 

a 

FLUOROFORM 
A SFC 

-6 (1986) 55' C 
A Schmttt ond Reid 

rn a rn rb 12 ri3 : 
Density (mol/U) 

2 

Figure 4. Solubility of Anthracene in SCF's at 50°C -Comparison 
Between Chromatographic Measurements and Literature 



HOCH2CF3 HCC13 

Figure 5. Specific Interactions of Fluorenone. Hydrogen Bonding with 
2,2,2-TFE (a) and Chloroform (b); Charge-Transfer with TEA (c). 
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Figure 7b. Cosolvent Effect of Thianthrene in SCF Ethane 
3 mol% Cosolvent, 50°C, 150 bar 



Figure 7c. Cosolvent Effect of 2-Naphthol in SCF Ethane 
3 mol% Cosolvent, 50°C, 150 bar 
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Figure 15. Fluorescence Emission from 7-Azaindole in Supercritical C02 with 
0, 0.5, 1.0, 2.0, and 4.5 mol% Methanol Cosolvent. 
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Figure 21. Hydrogen-Bonding Interaction of 
Benzophenone and Alcohols 
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Figure 30. 4-Nitrophenol Wavelength of Maximum Absorption 
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Table 1 Solubility Data for 7-Azaindole in 
Several SCF Solutions 

Pressure 
(bars) 

Solvent Solubility 
(mole fraction) 

c 0 2  

k 0.3 
90 

C02/methanol 
(3.25%) 

k 5% 
0.00086 

Ethane 

100 
120 
150 
90 
100 
120 
150 
57.7 
65.2 
78.2 
100 

Temperature 

* 0.05 
35.0 
35.0 
35.0 
35.0 
35.0 
35.0 
35.0 
35.0 
36.3 
36.3 
36.3 
36.3 

(“C) 

0.001 34 
0.001 65 
0.001 92 
0.00532 
0.00544 
0.00657 
0.00728 
0.00037 
0.00046 
0.00056 
0.00077 



i 

Pressure (bars) 

Mole Fraction 2.47E-3 3- 15% 3.04E-3 -4 15% of HMB 

Mole Fraction 
of TCNE NA NA 

Table 2. Solubility of HMB and TCNE in SCF Ethane at 35OC 

3.45E-3 -4 15% 3.85E-3 k 15% 

5.3E-6 f 30% NA 

53 k 0.3 69 f 0.3 80 f 0.3 60 k 0.3 

NA = Not Available 



Table 3. Supercritical Fluids and Their Properties 

Table 4. Cosolvents and Their Properties 

aReid e t  al. (1987) 
kstimated from Dewar and Stewart (1984) 
Zandult-B6mstein (1951) 
d-et et A. (WEB) 



Table 5. Solute Structures and PropePties 

p"p CP Ah- p Solub. 
solute (Pa) (cm3/m01)L (kJ/mol)' (0)' Ref. 

Fluorene 
1.23' 139 87.3 -0.2 k 

Dibenzofuran 
3.& 155 79.1 0.8 b,l 

Dibenzothiophene 
0.36b 168 91.2 0.8 1 

Carbazole 
0.010' 152 96.5 2.1 m 

I4 

Fluorenone 
0.27b 160 92.2 3.3 b 

9-hydroxy fluorene 

on 

1.9 

2-Dimethylaminofluorenone 

2-Naphthol 
0.3sd 118 94.3 1.5 n 

Phenanthrene 

'Osborn and Douslin (1975) 
'Hansm (1985) IdeKruif (1975) 
'Alf& (1989) 
'Colomina d d. (1974) 

'Kudchadka et d. (1979) 

.Ambrose et d. (1976) 
* Weast (1978) 



Table 5. Solute Structures and Properties (continued) 

p"p lP ah"b p Solub. 
Solute (Pa) (cm'/mol)' (kJ/mol)' (D)' Ref. 

Anthracene 
0.019 143 102.6 0 k 

9-Cyanoanthracene 

2-Aminoanthracene 

Acridine 
0.11' 178 90.8 2.0 n 

Phenazine 
0.063' 164 90.4 0 0 

Thianthrene 
0.012' 197 99.2 1.5 1 

Hexamethylbenzene 
2.37' 153 84.4 -0 k 

Cholesterol 
2.0 P 

'Calculated from vapor pressure data 
'McClcUan (1%3) 

'Hess (1987) 

=.poUillot (1991) . 
Ykhmitt and R a d  (1986) 
.Van AlSten (1986) 
'Yun u d. (1991) 

Johnston et d. (1982) 



Table 6. Cosolvent Effects in CosolventISCF Ethane at 50°C 

I 

Cosolvent and composition (mol %) 
0.79% 1.60% 2.79% 4.03% 9.52% 3.56% 3.76% 2.86% 3.48% 1.03% 2.37% 2.51% 

Pressure (bars) Ethanol Ethanol Ethanol Ethanol Ethanol Isoprop. Acetone C'form 111-'IC 222-TFE . TEA 12-DBE 
XiZGZene 

80 1.40 1.48 1.66 2.26 
100 1.04 1.24 1.27 1.36 1.78 1.30 1.45 1.54 1.58 1.19 1.77 1.31 
120 1.13 1.19 1.28 1.74 1.25 1.36 1.49 1.42 1.12 1.55 1.21 
150 1.03 1.01 1.17 1.20 1.30 1.35 1.36 1.13 1.50 1.19 
200 1.00 1.11 1.18 1.22 1.23 1.08 1.38 1.08 

94nthracenecarb o N  trie 
80 1.67 1.87 2.20 2.50 
100 1.12 1.25 1.35 1.79 2.57 1.37 1.55 1.65 1.49 1.58 1.80 1.27 
120 1.10 1.26 1.32 1.66 2.44 1.32 1.53 1.57 1.47 1.58 1.62 1.23 
150 1.09 1.18 1.31 1.30- 1.47 1.45 1.42 1.58 1.55 1.19 
200 1.08 1.27 1.29 1.27 1.51 1.44 1.30 1.62 1.49 1.16 

'Fluorene 
1.38 1.54 1.78 2.12 
1.24 1.38 1.49 1.46 1.18 1.68 1.21 

1.23 1.17 1.35 1.32 . 1.36 1.13 1.54 1.14 
1.45 1.14 

1.13 1.44 1.27 1.28 1.12 1.50 1.12 

80 1.34 
100 1.09 1.18 1.24 1.30 
120 1.09 1.22 
150 1.04 1.06 1.16 1.32 1.28 1.24 1.05 
200 1.06 1.10 1.13 



Table 6. Cosolvent Effects in CosolventlSCF Ethane at 50°C (continued) 



. .  

Table 6. Cosolvent Effects in CosolventISCF Ethane at 50°C (continued) 

Cosolvent and composition (mol %) 
0.79% 1.60% 2.79% 4.03% 9.52% 3.56% 3.76% 2.06% 3.48% 1.03% 2.37% 2.51% 

pressure (bars) Ethanol Ethanol Ethanol Ethanol Ethanol Isoprop. Acetone C’form 111-TC 222-TFE + TEA 12-DBE 
9-Fluorenone 

I 

80 1.45 1.49 1.66 2.00 2.19 
100 1.09 1.21 1.32 1.58 2.12 1.34 1.45 1.70 1.52 1.62 1.68 1.19 
120 1.07 1.31 1.56 2.54 1.32 1.44 1.63 1.40 1.62 1.56 1.16 
150 1.10 1.19 1.24 1.29 1.39 1.46 1.31 1.69 1.50 1.15 
200 1.15 1.22 1.29 1.44 1.42 1.25 1.64 1.45 1.12 

'9-hydroxy fluorene 
80 2.13 2.18 1.82 1.89 2.41 

100 1.14 1.58 2.07 2.87 3.79 2.04 1.64 1.34 1.51 1.85 1.96 1.16 
120 1.28 1.87 2.18 2.96 2.09 1.64 1.44 1.36 1.91 1.94 1.15 
150 1.31 2.06 2.36 2.56 1.61 1.40 1.26 1.90 1.86 1.17 
200 1.33 2.77 2.55 1.67 1.34 1.30 202 1.12 

2-Naphthol 
80 3.07 3.17 2.93 1.91 2.87 

100 1.82 2.72 4.63 5.48 10.97 4.19 3.47 2.15 2.11 2.33 3.13 1.65 
120 2.02 3.13 4.40 5.74 4.26 3.31 1.82 1.87 2.86 1.49 
150 1.79 3.13 5.23 5.05 3.85 2.00 1.97 2.49 1.66 
200 2.34 3.04 5.66 5.27 4.15 2.16 1.94 2.60 1.64 



Table 6. Cosolvent Effects in CosolventlSCF Ethane at 50°C (continued) 

Cosolvent and composition (mol %) 
0.79% 1.60% 2.79% 4.83% 9.52% 3.56% 3.76% 2.86% 3.48% 1.03% 2.37% 2.51% 

pressure (bars) Ethanol Ethanol Ethanol Ethanol Ethanol Isoprop. Acetone C’form 111-Tc 222-TFE TEA 12-DBE 
Phenazine 

I I 1.51 I I I 1.53 I 1.66 I 2.04 I I I I 



Table 6. Cosolvent Effects in CosolventBCF Ethane at 50°C (continued) 

Cosolvent and composition (mol %) 
0.79% 1.60% 2.79% 4.83% 9.52% 3.56% 3.76% 2.86% 3.48% 1.03% 2.37% 2.51% 

’ressure (bars) Ethanol Ethanol Ethanol Ethanol Ethanol Isoprog. Acetone C’form 111-TC 222-TFE a TEA 12-DBE 
c 

80 1.30 1.35 1.52 1.71 
100 1.19 1.25 1.37 1.44 1.45 
120 1.15 1.18 1.31 1.31 1.30 
150 1.12 1.12 1.28 1.24 1.26 
200 1.10 , 1.13 , 1.34 1.17 1.25 

1.15 1.49 1.19 
1.10 1.28 1.13 
1.09 1.27 1.11 
1.09 1.13 1.11 

80 1.84 1.89 2.03 
100 1.58 1.63 1.70 
120 1.61 1.61 1.68 
150 1.53 1.55 1.67 
200 1.55 1.52 , 1.64 

2.63 
1.99 1.75 2.20 1.82 1.38 
1.92 1.64 2.27 1.70 1.40 
1.79 1.56 2.23 1.60 1.31 

. 1.74 , 1.51 . 2.32 . 1.54 . 1.36 

80 1.42 1.50 1.66 2.02 
100 1.27 1.31 1.44 1.57 1.62 
120 1.24 1.26 1.40 1.44 1.47 
150 1.18 1.21 1.34 1.38 1.36 
200 1.16 1.17 1.39 1.34 1.33 

1.17 1.59 
1.17 1.43 1.25 
1.13 1.44 1.19 
1.12 1.16 



Table 6. Cosolvent Effects in CosolventlSCF Ethane at 50°C (continued) 

L Cosolvent and composition (mol %) 
0.79% 1.60% 2.79% 4.83% 9.52% 3.56% 3.76% 2.86% 3.48% 1.03% 2.37% 2.51% 

Pressure (bars) Ethanol Ethanol Ethanol Ethanol Ethanol Isoprop. Acetone C’form 111-TC 222-m. TEA 12-DBE 
Tholesterol 

80 1.69 1.39 
100 1.81 1.86 1.46 1.62 
120 2.27 2.22 1.72 1.98 
150 2.52 2.40 1.73 2.22 
200 2.66 2.57 2.20 2.48 

100 . 1.76 1.69 1.80 1.83 1.68 1.56 1.91 1.34 

150 1.67 1.54 1.65 1.60 1.35 1.48 1.66 1.21 

Uminoanthr acene 
80 1.95 2.08 2.37 

1.77 1.70 1.81 1.79 1.55 1.61 1.90 1.31 120 

200 1.62 1.51 1.63 1.47 1.26 1.36 1.59 1.15 



Table 7. Normalized Cosolvent Effects at 50°C, 150 bar, and 3 mol% Cosolvent 



Table 8. Cosolvent Kamlet-Taft Parameters and Other Properties 

P 

NA 

P(D)  ("C) 

1.3 319.6 

0.31 3.5 272.4 

NA NA NA NA NA 

0.54 0.83 

0.60 0.00 

0.01 0.00 0.00 0.0 299.1 

NA NA NA NA NA 

NA 3.1 314.9 

0.49 0.00 0.00 1.7 271.9 

Pc (atm) Cosolvent 

Acetic Add 

CH~COZH 

Acetonltrlle 

CH3Cd 

Bromoform 

CH3Br 

Ethanol 

C H3 C H20 H 

Methyl Acetate 

57.2 

47.7 
I I 

NA 

60.6 0.77 1 1.7 I 240.8 

R 
C H3C 0 C H3 46.3 0.42 1 1.7 1 233.7 

11 Methylcyclohexane 

34.3 

NA 

62.3 

Nitroethane 

CH3CH2N02 

Nltromethane 

CH3N02 

Proplonltrlle 

0.37 I 3.7 1 291.3 41.3 C H& H2C4 

42.4 

NA = Not Available 



Table 9. Phase Boundary Information for Cosolvent Effect Investigation 
I 

MISCIBILITY COSOLVENT P (bar) 
Acetonitrile, 

N C H 3 C 4  

Bromoform I 
Y 60 CH3Br 

I 

Ethanol 

C H3C H20 H 56 45 
Methyl Acetate 

Y 53 38 CI-I~COCHQ 

.. Methylcyclohexane 

Y 59 QCH, 
N itroet hane 

N CH3CHpN02 
Nitromethane 

N 
Propionit rile 

Y C H3C H&+I 

1 ,I ,I-Trichloroethane 

51 C H Q C C I ~  

Y = Yes, N = No 
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Table 11. Normalized Cosolvent Effects at 50°C, 150 bar, and 3.5 mol% Cosolvent 



Density 
moldter  

8.77 53.3 6.77E-06 4.14E-04 0.045 
8.73 53.3 8.21E-06 5.OOE-04 0.074 
8.86 53.6 9.87E-06 6.02E-04 0.090 
8.74 53.3 1.25E-05 7.76E-04 0.147 
8.76 53.6 1.8OE-05 l.llE-03 0.277 
9.38 55.2 6.39E-06 3.91E-04 0.045 
9.34 55.0 7.67E-06 4.67E-04 0.066 
9.38 55.3 9.32E-06 5.69E-04 0.087 
9.38 55.4 1.17E-05 7.24E-04 0.138 
9.37 55.4 1.68E-05 1.04E-03 0.256 
9.89 58.4 6.01E-06 3.67E-04 0.042 
9.92 58.3 7.23E-06 4.4OE-04 0.060 
9.90 58.3 8.83E-06 5.38E-04 0.082 

1 9.92 58.4 1.1OE-05 6.84E-04 0.127 
9.90 58.3 1.59E-05 9.79E-04 0.232 
10.38 63.0 5.72E-06 3.5OE-04 0.038 

Pressure y(TCNE) y(HMB) Absorbancc 
(bars) initial initial (m=) 

10.45 
10.49 
10.46 

63.3 
63.9 
63.4 

6.86E-06 4.18E-04 
8.33E-06 5.08E-04 
1.05E-05 6.49E-04 

0.056 
0.078 
0.116 

10.49 63.8 1.5OE-05 9.24E-04 0.212 
10.94 70.5 5.43E-06 3.32E-04 0.036 
10.94 70.6 6.55E-06 3.99E-04 0.05 1 
10.93 70.7 8.OOE-06 4.88E-04 0.073 
10.93 70.5 9.99E-06 6.21E-04 0.105 
10.91 70.3 1.44E-05 8.89E-04 0.196 
11.39 80.3 5.22E-06 3.19E-04 0.036 

11.47 82.1 9.53E-06 5.92E-04 0.096 
11.48 82.3 1.37E-05 8.45E-04 0.179 

11.48 
11.49 

82.3 
82.9 

6.24E-06 3.8OE-04 
7.61E-06 4.6413-04 

0.048 
0.070 



Density Pressure y(TCNE) y(HMB) 
rnoleslliter (bars) initial initial 

I 

Absorbance 
(m=) 

12.00 99.2 5.97B-06 3.64E-04 0.046 
11.98 98.5 7.29E-06 4.45E-04 0.067 
11.98 98.0 9.12E-06 5.67E-04 0.086 
12.09 102. 1.3OE-05 8.02E-04 0.165 
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Table 14. Solvent Systems and Conditions in 7=Azaindole 
Fluorescence Experiments 

c 0 2  

C2H6 

C2H4 

~~ 11 SCF I Cosolvent I T ("C) I Density (moVI) I % cosolvent I SCF Tc ("C) ISCF Critical Density (rnol/l)ll 

Methanol 35, 50,70 8.5-20 0.5, 1.0, 2.0, 4.5 31.1 10.6 

Ethanol 36.3, 51.4, 71.5 8-1 3 1.6, 4.5 32.2 6.8 

Ethanol 13,25.1, 45.5 NA 2.6 9.5 7.0 

CHF3 Ethanol 30.1, 44.8, 64.4 6-1 5 0.3, 1.2, 3.8 26.1 7.2 

NA = Not Availble 



Table 15. Cosolvent Kamlet - Taft Parameters for the Benzophenone Study 

BrCHzCH2Br 

Cosslvent 

0,75 0,OO 

7L* 

CF3CH20H 

a 

0.73 1.51 

Chloroform 

CHICIS 0.58 0.44 

ly2-Dibromoethane 

Ethanol 

C H3C H2C4 

0.54 CHaCH2OH 

Propionitrile 

0.71 

0.83 

l,l,l-Trichloroethane 

C H Q C C I ~  0.49 0.00 

2,2,2=Trif luoroethanol 

NA = Not Available 



Table 16. Structure and Estimated Critical Properties of 
Benzophenone, TFE, and Hydrogen-Bonded Complex 

BENZOPHENONE 

2,2,2-TRIFLUOROETHANOL I 
F H  
I I  

F - C - C - O H  
I I  
F H  

I HYDROGEN-BONDED COMPLEX 

F I Q 
F-C-O-C-H 

I 

T C  

821 

501 

826 

PC 
(bars) 

29.9 

48.6 

30.5 

0.51 

0.64 

0.66 



Trclnrifion 
TFE - D e n s f t y  Y Y MaxImurn 

Concentration @am) (mok/Gter) TFE BENZ 0 

Pure Ethane 

Transifion 
Maximum 

(Cm-1) 

52.8 
54.1 
55.8 
59.1 
64.1 
71.1 
82.8 

8.5 
9.0 
9.5 
10.0 
10.5 
11.0 
11.5 

1.82E-04 
1.71 E-04 
1.62E-04 
1.54E-04 
1.47E-04 
1.41 E-04 
1.34E-04 

347.0 
346.4 
345.6 
345.2 
345.0 
345.0 
346.4 

28820 
28870 
28940 
28970 
28990 
28990 
28870 

98.9 12.0 0 1.28E-04 346.0 28900 
51.8 7.5 1.49E-03 2.04E-04 332.8 30050 
51.9 7.9 1.42E-03 1.95E-04 334.0 29940 
52.1 8.2 1.38E-03 1.89E-04 335.4 29820 
52.3 8.3 1.35E-03' 1.86E-04 335.0 29850 

0.01 1 moles/lHer 53.9 9.1 1.23E-03 1.69E-04 341.0 29330 
55.7 9.6 1.17E-03 1.61E-04 344.0 29070 
59.0 10.1 1.11E-03 1.53E-04 344.0 29070 
71.2 11.0 1.02E-03 1.40E-04 344.4 29040 
83.0 11.5 9.74E-04 1.34E-04 344.8 29000 
99.5 12.0 9.34E-04 1.28E-04 ' 345.2 28970 
51.7 7.4 3.04E-03 2.09E-04 333.4 29990 
51.9 7.5 2.98E-03 2.04E-04 333.0 30030 
52.0 7.5 3.01E-03 2.06E-04 334.0 29940 
52.1 7.8 2.87E-03 1.97E-04 333.6 29980 

0.022 mdes/lHer 52,3 8.0 2.80E-03 1.92E-04 334.4 29900 
53.0 8.6 2.62E-03 1.80E-04 334.0 29940 
55.8 9.5 2.36E-03 1.62E-04 334.6 29890 
63.8 10.5 2.14E-03 1.47E-04 335.0 29850 
71 .O 11.0 2.05E-03 1.40E-04 342.6 291 90 
81.4 11.5 1.96E-03 1.35E-04 341.8 29260 
98.8 12.0 1.87E-03 1.29E-04 344.8 m 
52.1 8.4 9.99E-03 1.83E-04 333.2 30010 
52.9 9.0 3.74E-03 1.71E-04 334.2 29920 
53.0 9.1 3.71E-03 1.70E-04 333.4 29990 
54.0 9.4 3.58E-03 1.64E-04 332.8 30050 

0.034 mdes/lHer 55.9 9.8 3.44E-03 l.57E-04 332.8 30050 
58.6 9.8 3.30E-03 1.51E-04 334.0 29940 
64.1 10.2 3.16E-03 1.45E-04 333.8 29960 
71 .O 10.7 3.04E-03 1.39E-04 335.2 29830 
83.2 11.1 2.91E-03 1.33E-04 336.2 29740 
99.2 12.0 2.80E-03 1.28E-04 334.2 29920 



TFE 
Concentratlon 

51.8 
52.1 
52.4 

0.045 mdes/lfter 53.9 
56.1 
58.7 
70.9 
82.4 

Trclnsition Tra ld ion  
- D e n t a y  Y Y Mcaimum McaEmum 

(mok/oon TFE BENZ m (Cm-1) 

8.3 
8.7 
9.0 
9.6 
10.0 
10.3 
11.1 
11.6 

5.41 E-03 
5.15E-03 
5.00E-03 
4.68E-03 
4.51 E-03 
4.37E-03 
4.04E-03 
3.88E-03 

1.86E-04 
1 J7E-04 
1.72E-04 
1.61 E-04 
1 S7E-04 
1.5OE-04 
1.39E-04 
1.33E-04 

330.0 
333.4 
334.8 
334.6 
334.4 
333.0 
334.4 
333.0 

303oO 
29990 
29870 
29890 
29900 
3oO30 
29900 
30030 

99.1 12.1 3.72E-03 1.28E-04 334.8 29870 
51.8 9.2 1.21E-02 1.67E-04 330.4 30270 
52.1 9.5 
52.4 9.7 
52.9 9.9 

0.1 1 moles/liter 53.9 10.1 
56.0 10.4 
58.9 10.6 
63.9 11.0 
71.1 11.3 
83.1 11.7 

1.19E-02 
1.16E-02 
1.13E-02 
1.1 1 E-02 
1.08E-02 
1 D6E-02 
1 .BEG! 
9.94E-03 
9.58E-03 

1 ME-04 
1.59E-04 
1 S E - 0 4  
1.52E-04 
1.49E-04 
1 .45E-04 
1.41 E-04 
1.36E-04 
1.32E-04 

330.6 30250 
329.8 30320 
328.6 30430 
331.2 30190 
331.2 30190 
331.4 301 80 
330.0 30300 
329.8 30320 
331.2 30190 

99.3 12.2 9.23E-03 1.27E-04 329.0 304oO 
51.5 9.8 2.30E-02 1.58E-04 327.8 3051 0 
51.8 10.1 2.22E-02 1.52E-04 329.4 30360 
52.4 10.4 2.15E-02 1.48E-04 330.4 30270 

0.22 mdes/liter 52.8 10.6 2.12E-02 1.46E-04 329.2 30380 
54.0 10.8 2.08E-02 1.42E-04 329.4 30360 
58.6 11.1 2.02E-02 1.39E-04 330.4 30270 
63.9 11.3 1.99E-02 1.36E-04 330.6 30250 
83.1 11.9 1.88E-02 1.29E-04 328.8 3041 0 
99.4 12.3 1.83E-02 1.25E-04 329.4 30360 
51.7 10.5 3.22E-02 1.47E-04 328.6 30430 
51.9 10.6 
52.2 10.8 
52.4 11.0 
52.6 11.1 

0.34 mdes/llter 54.0 11.3 
56.1 11.4 
59.1 11.5 
64.0 11.6 
71.3 11.8 
83.1 12.1 
99.2 12.4 

3.17E-02 
3.11E-02 
3.05E-02 
3.04E-02 
2.98E-02 
2.96E-02 
2.93E-02 
2.90E-02 
2.85E-02 
2.78E-02 
2.71 E42 

1.45E-04 
1.42E-04 
1.39E-04 
1.39E-04 
1.37E-04 
1.35E-04 
1.34E-04 
1.33E-04 
1.30E-04 
1 -27E-04 
1.24E-04 

328.8 
329.8 
329.8 
329.8 
330.4 
328.8 
329.0 
330.2 
329.4 
329.6 
330.4 

30410 
30320 
30320 
30320 
30270 
3041 0 
304oO 
30280 
30360 
30340 
30270 



Cosolvent 
and 

Concentration 

Ethanol 
0.058 moles/ltter 

Tmsftlon Transltlon 
Pressure Dew Y y Maximum Maximum 

(bars) (m&/liter) TFE Benz. (nm) (an-1 1 

Ethanol 
0.1 5 molesjliter 

51.9 8.7 6.71E-03 l.77E-04 342.4 29210 
52.1 8.9 6.56E-03 1.73E-04 343.4 29120 
52.4 9.2 6.32E-03 1.67E-04 343.6 29100 
53.1 9.4 6.20E-03 1.64E-04 344.8 29000 
54.0 9.7 6.03E-03 1.59E-04 344.8 29000 
56.0 10.0 5.80E-03 1.53E-04 345.2 28970 
58.9 10.4 5.62E-03 1.49E-04 343.0 29150 
64.5 10.8 5.39E-03 1.43E-04 344.8 29000 
51.6 9.3 1.56E-02 1.65E-04 344.0 29070 
51.7 9.4 1.54E-02 1.63E-04 344.8 29000 
51.9 9.6 1.51E-02 1.60E-04 344.8 m 
52.2 9.9 1.47EM 1.56E-04 343.6 29100 
52.2 9.9 1.47EM 1.55E-04 344.4 29040 
52.9 10.1 1.44E-02 1.52E-04 344.2 29050 
54.0 10.4 1.40E-02 1.49E-04 343.0 29150 
55.8 10.6 1.38E-02 1.46E-04 344.8 29000 
58.7 10.8 1.35E-02 1.43E-04 344.8 29000 
64.1 11.1 1.31E-02 1.39E-04 344.6 29020 
71.1 11.4 1.28E-02 1.35E-04 345.2 28970 
99.3 12.2 1.19E-02 1.26E-04 345.6 28940 
52.1 10.7 2.72E-02 1.44E-04 333.6 29980 

Ethanol 
029 moles/liter 

52.2 
52.7 
52.9 
53.9 
55.8 
59.0 
64.1 
71.0 
83.0 

10.8 
11.0 
11.0 
11.2 
11.3 
11.4 
11.6 
11.8 
12.1 

2.69E-02 
2.66E-02 
2.65E-02 
2.61 EM 
2.58E-02 
2.56E-02 
252E-02 
2.47E-02 
2.41 E-02 

1.42E-04 
1.41 E-04 
1 AOE-04 
1.38E-04 
1.37E-04 
1.35E-04 
1.33E-04 
1.31 E-04 
1.27E-04 

342.8 
341.8 
342.8 
341.8 
343.2 
341.8 
344.0 
343.0 
345.2 

29170 
29260 
29170 
29260 
29140 
29260 
29070 
29150 
28970 

Ethanol 
0.44 moles/llter 

99.2 12.4 2.34E-02 1.24E-04 345.2 28970 
51.8 11.0 5.21E-02 1.84E-04 335.8 29780 
52.0 11.1 5.13E-02 1.81E-04 334.4 29900 
52.2 11.3 4.99E-02 1.76E-04 336.6 29710 
53.0 11.7 4.75E-02 1.68E-04 334.6 29890 
53.8 11.7 4.61E-02 1.63E-04 337.2 29660 
56.4 11.8 4.38E-02 1.54E-04 343.6 29100 
59.1 11.9 4.25E-02 1.50E-04 344.4 29040 
70.5 12.1 3.94E-02 1.39E-04 343.8 29090 
85.6 12.4 3.74E-02 1.32E-04 344.0 29070 
98.5 12.6 3.63E-02 1.28E-04 344.2 29050 



Cosdvent TmsItion 
and Pressure Denstty Y y Maximum 

Concentration (bars) (moles/lfter) TFE Bent (nm) 

Chloroform 
0.21 molesfliter 

Transition 
Maximum 

(cm-1) 

98.3 12.2 1.74E-02 1.26E-04 344.0 29070 
53,3 10.9 2.93E-02 1.41E-04 343.0 29150 

Chloroform 
0.32 molesfliter 

54.6 11.0 2.89E-02 1.4OE-04 341.4 29290 
55.8 11.1 2.87E-02 1.39E-04 342.6 29190 
58.9 11.2 2.84E-02 1.37E-04 344.8 m 
64.1 11.4 2.79E-02 1.35E-04 344.8 m 
70.8 11.7 2.74E-02 1.32E-04 344.4 29040 
82.1 12.0 . 2.67E-02 129E-04 344.0 29070 - 
97.7 12.3 2.59E-02 1.25E-04 345.0 28990 
51.8 8.4 2.83E-02 1.83E-04 341.2 29310 
54.6 9.8 2.44E-02 1.57E-04 344.0 

Propionlhiie 56.3 10.0 2.39E-02 1.54E-04 342.4 
0.24 molesfliter 59.0 10.3 2.31E-02 1.49E-04 344.4 

64.1 10.7 2.22E-02 1.44E-04 344.0 
82.9 11.6 2.06E-02 1.33E-04 342.8 

29070 
29210 
29040 
29070 
291 70 

100.0 12.1 1.97E-02 1.28E-04 342.6 29190 
51.4 9.6 1.78E-02 1.61E-04 343.8 29090 

l , l , l -  
Trichloroefhane 
0.1 7 molesfliter 

51.9 
52.0 
52.8 
53.8 
55.8 
59.0 
63.8 
83.2 

10.1 
10.0 
10.5 
10.7 
10.8 
11.0 
11.2 
11.9 

1.69E-02 
1.70E-02 
1.62E-02 
1 .6OE-02 
1 S8E-02 
1 SE-02 
1.52E-02 
1 .44E-02 

1.53E-04 
1 S4E-04 
1.47E-04 
1.45E-04 
1 A3E-04 
1 AOE-04 
1.37E-04 
1.30E-04 

344.4 
343.8 
344.0 
344.6 
343.8 
343.2 
343.6 
344.0 

29040 
29090 
29070 
29020 
29090 
29140 
29100 
29070 

99.6 12.3 1.39E-02 1.26E-04 344.0 29070 
51.5 10.5 1.87E-02 1.46E-04 342.4 29210 
52.2 11.3 
52.6 11.3 

1,2-Dlbromoethrme 53.4 11.5 
0.20 molesfliter 54.2 11.6 

55.9 ,11.7 
59.0 11.7 
64.0 11.8 
83.6 12.3 
98.8 12.6 

1.75E-02 
1.74E-02 
1.72E-02 
1.70E-02 
1.69E-02 
1 -68E-02 
1.67E-02 
1.61 E-02 
1.57E-02 

1.37E-04 
1.36E-04 
1.34E-04 
1.33E-04 
1.32E-04 
1.31 E-04 
1 N E - 0 4  
126E-04 
1.23E-04 

344.6 
344.0 
344.8 
344.6 
345.0 
345.8 
345.2 
345.2 
345.8 

29Mo 
29070 
29ooo 
29020 
28990 
28920 
28970 
28970 
28920 



Table 19. Comparison of Experimental and Estlmated Values of the 
bnzophenone n->W 

TFE 
Concentration 

Transltlon Maxlmum In Cosohrent/SCF Ethane 
Predicted Expt. 

Pressure Den* y(COM)/ Number Maxlmum Maxlmun 
(bars) (moles/lRer) y(BEND Density (cm- 1 ) (cm- 1) 

Pure Ethane 

52.8 
54.1 
55.8 
59.1 
64.1 
71.1 
82.8 

8.5 
9.0 
9.5 
10.0 
10.5 
11.0 
11.5 

0.00 
0.00 
0.00 
0.00 
0.00 
0.00 
0.00 

0.000 28,910 
0.000 28,910 
0.000 28,910 
0.000 28,910 
0.000 28,910 
0.000 28,910 
0.000 28,910 

28,820 
28,870 
28,940 
28,970 
28,990 
28,990 
28,870 

98.9 12.0 0.00 0.000 28,910 28,900 
51.8 7.5 0.78 0.074 29,640 30,050 

0.01 1 moles/llter 

0.022 mdes/llter 

0.034 mdes/lRer 

7.9 
8.2 
8.3 
9.1 
9.6 
10.1 
11.0 
11.5 

0.73 
0.69 
0.67 
0.58 
0.53 
0.48 
0.43 
0.41 

0.071 
0.069 
0.068 
0.062 
0.059 
0.055 
0.051 
0.049 

29,620 
29,600 
29s90 
29,540 
29,510 
29d80 
29A40 
29420 

29,940 
29,820 
29,850 
29,330 
29,070 
29,070 
298a40 
29,000 

51.9 
52.1 
52.3 
53.9 
55.7 
59.0 
71.2 
83.0 
99.5 12.0 0.40 0.049 29d20 28,970 
51.7 7.4 1.56 0.104 29,880 29,990 
51.9 7.5 1.51 0.103 29,870 30,030 
52.0 7.5 1.54 0.104 29,870 29,940 
52.1 7.8 1.45 0.101 29,850 29,980 
52.3 8.0 1.39 0.100 29,840 29,900 
53.0 8.6 1.27 0.096 29,810 29,940 
55.8 9.5 1.07 0.088 29,760 29,890 
63.8 10.5 0.91 0.081 29,700 29,850 
71 .O 11.0 0.85 0.079 29,680 29,190 
81.4 11.5 0.82 0.077 29,660 29260 
98.8 12.0 0.81 0.076 29,660 29.000 
52.1 8.4 1.99 0.115 29,950 30,0010 
52.9 9.0 1.79 0.110 29,920 29,920 
53.0 9.1 1.77 0.110 29,920 29,990 
54.0 9.4 1.66 0.107 29,900 30,050 
55.9 9.8 1.54 0.104 29,880 30,050 

0.101 29,850 29,940 58.6 9.8 1.43 
64.1 10.2 1.33 0.098 29,830 29,960 
71 .O 10.7 1.26 0.096 29,810 29.830 
83.2 11.1 1.21 0.094 29,800 29,740 
99.2 12.0 1.20 0.093 29,800 29,920 



predicted 
TFE Pressure Density y(COM)/ Number M d m u m  

Concentration (bars) (moles/lHer) y(BENZ) Density (cm- 1 ) 
- 

51.8 
52.1 
52.4 

0.085 moles/lHer 53.9 
56.1 
58.7 
70.9 
82.4 

Expt. 
Mdmum 

(cm- 1 ) 

8.3 
8.7 
9.0 
9.6 
10.0 
10.3 
11.1 
11.6 

2.68 0.126 
2.49 0.123 
2.39 0.122 
2.13 0.1 18 
1.99 0.1 15 
1.88 0.1 13 
1.67 0.108 
1.60 0.106 

99.1 12.1 1.59 0.106 
51.8 9.2 5.30 0.151 
52.1 
52.4 
52.9 

0.1 1 mdes/liter 53.9 
56.0 
58.9 
63.9 
71.1 
83.1 

9.5 
9.7 
9.9 
10.1 
10.4 
10.6 
11.0 
11.3 
11.7 

5.17 
5.01 
4.85 
4.67 
4.52 
4.29 
4.1 1 
3.97 
3.86 

0.150 
0.149 
0.148 
0.147 
0.146 
0.144 
0.143 
0.142 
0.141 

30,020 
30,010 
30,000 
29,970 
29,950 
29,940 
29,900 
29,890 
29,890 
30,170 
30.1 60 
30,160 
30,150 
30,150 
30,140 
30,130 
30,130 
30,120 
30,110 

30,300 
29,990 
29,870 
29,890 
29,900 
30,030 
29,900 
30.030 
29,870 
30,270 
30,250 
30,320 
30,430 
30,190 
30,190 
30.1 80 
30,300 
30,320 
30,190 

99.3 12.2 3.82 0,140 30,110 30,400 
51.5 9.8 8.91 0.169 30,260 30,510 
51.8 10.1 8.53 0.168 30260 30,360 
52.4 10.4 8.30 0.167 30,250 30270 

0.22 moles/liter 52.8 10.6 8.15 0.167 30,250 30,380 
54.0 10.8 7.92 0.166 30,240 30,360 
58.6 11.1 7.59 0.165 30,240 30,270 
63.9 11.3 7.45 0.164 30,240 30,250 
83.1 11.9 7.17 0.162 30,230 30,410 .. 

99.4 12.3 7.22 0.162 30230 30,360 
51.7 10.5 11.35 0.180 30,310 30,430 
51.9 10.6 11.20 0.180 30,310 30,410 
52.2 10.8 11.00 0.179 30,310 30,320 
52.4 11.0 10.76 0.178 30,300 30,320 
52.6 11.1 10.67 0.178 30,300 30,320 

0.34 mdes/liter 54.0 11.3 10.47 0.177 30,300 30,270 
56.1 11.4 10.42 0.177 30,300 30,410 
59.1 11.5 10.22 0.177 30,290 30Aoo 
64.0 11.6 10.16 0.176 30,290 30280 
71.3 11.8 10.07 0.176 30,290 30,360 
83.1 12.1 10.05 0.175 30290 30,340 
99.2 12.4 10.18 0.175 30290 30,270 



Table 20. Cosolvent Parameters for the 4-NitrophenoV4-Nitroanisole Study 

11 Cyclohexane 

0 11 Dichloromethane + 1 ,BDibromoethane 

BrCH2CH2Br 

11 Methyl Acetate 

R 

0 
CH,&CH~ 

Tetrahydrofuran 

11 Dimethvlacetamide 

P 

0.00 0.00 

0.83 0.00 

0875 0.00 

0.60 0842 

0.48 

0.58 



TABLE 21. REGRESSION OF COSOLVENT EFFECT WITH TWO 
PARAMETERS, Kn AND AN EQUILIBRIUM CONSTANT. 

Ting et al., 1993: Gurdial, 1991.4d Dobbs et al., 1987. 



TABLE 22 : ESTIMATED AND AVAILABIX PROPERTIES OF THE 
MONOMERS, THE COMPLEX AND THE SOLVENT. 

' Reid et al., 1987 !For the molecular complex, the estimation method was Lydersen's (Reid et aL 1987) 
Addition means simple addition of al l  the p u p  conaibutions?Tomasko, 1992. %AAD = 0 Since we 

have just one point. ' BAAD = 373 BAAD = 5.16 ' hbrose  et f, 1976. 'Reid et A, 1987. 



TABLE 23 : SOLUBILITY OF HMB AND TCNE IN ETHANE AT 35°C. 
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