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enry’s Law is a commonly

used method for calculating

phase equilibria, particularly,

but not exclusively, the solu-
bility of a gas in a liquid. An earlier ar-
ticle (/) presented various forms of
Henry’s Law and concentrated on the
effect of pressure and solute concentra-
tion. A subsequent article (2) covered
the application of Henry’s Law to mul-
ticomponent mixtures. A third article
(3) placed Henry’s Law in a historical
context.

Those publications proved to be quite
popular and generated a lot of discussion,
which has become the basis of this arti-
cle. Here, a few more Henry’s Law con-
cepts are presented in the hope that it will
answer some of the questions posed since
the original article.

HENRY’'S LAW vs.
RAOULT’'S LAW

Perhaps the most common question I
have been asked over the years is
“When should I use Henry’s Law and
when should I use Raoult’s Law?” Al-
though they appear to be significantly
different, the basis for the two ap-
proaches is similar.

Equilibrium calculations

There are two commonly used ap-
proaches to calculating phase equilibri-
um: (1) one-fluid models or equations
of state, and (2) two-fluid models or ac-
tivity coefficient methods. There are a
number of other methods, but they are
not very commonly used in the chemical

process industries. In this article, we
will concentrate on the two-fluid model,
which is what both Raoult’s Law and
Henry’s Law are.

In both the Raoult’s Law and Henry’s
Law approaches, the liquid-phase fugaci-
ty, FL, is calculated as follows:

Fl=10xfP (1)

where y0 is the activity coefficient,
which is basically the effect of composi-
tion on the fugacity, x; is the mole frac-
tion of component i, and f? is the stan-
dard state (or reference) fugacity. With-
out loss of generality, in this discussion
the Poynting correction, the effect of
pressure on the reference fugacity, will
be neglected. The difference between
Raoult’s Law and Henry’s Law is the
choice of standard states used to calcu-
late the reference fugacity.

Standard states

The standard state for Raoult’s Law is
the pure component. Thus, the standard
state fugacity is the fugacity of the pure,
saturated component at the temperature
of interest. For our purposes, we can as-
sume that this is the vapor pressure, al-
though in general that is not exactly true.
So we have:

Fl=yxP? @

The standard state for Henry’s Law
was discussed in detail in (/). Thus, for
our purposes here, it is sufficient to say
that the standard state is infinite dilution
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and the fugacity is given by:
Fr=1*xH; (3)

The asterisk superscript on the
Henry’s Law activity coefficient is
used to differentiate it from the activi-
ty coefficient in the Raoult’s Law
model. They are not the same.

For the Raoult’s Law reference
state, the activity coefficient has the
limit:

xl-ii)nl 'Yf =1

So, in the limit, as the mixture ap-
proaches a composition equal to pure
i, then the activity coefficient be-
comes unity.

On the other hand, for Henry’s
Law, the limit is:

.rlfino Yj - 1

In this case, as the solution be-
comes infinitely dilute in component
i, the activity coefficient becomes
unity.

Note that in general

\'l]li)no Yi #1

It is interesting to note that the
Henry’s constant is a function of both
the solvent and the solute. Thus, we
cannot discuss Henry’s constants
without reference to both the solute
and the solvent. On the other hand,
the reference state for the Raoult’s
Law approach requires information
about only one component.

Figure 1 illustrates the difference
between the two standard states. Al-
though this plot is interesting, often
we are dealing with situations where
the pure reference state does not
exist, or where the fugacities cannot
be calculated for the entire range of
composition. Also, note that the
Henry’s Law is tangential to the actu-
al fugacity. Although this is a hypo-
thetical example, it is based on firm
thermodynamics (i.e., a thermody-
namically consistent activity-coeffi-
cient model).

B Figure 1. Standard states for Henry’s Law and Raoult’s Law.

Henry's constant
and vapor pressure

Since the fugacity of a component
must be the same regardless of the
standard state, we can equate Egs. 2
and 3 to obtain:

Y*H; = vPP 4

We know that, in general, the
Henry’s constant does not equal the
vapor pressure; therefore, the two ac-
tivity coefficients must be different.
Since the Henry’s constant is defined
in the limit of infinite dilution, Eq. 4
reduces to:

Hy=y~P0 ®)

where the activity coefficient for the
infinitely dilute standard state is unity
(since it is the standard state) and
is the activity coefficient for the
Raoult’s Law standard state, at infi-
nite dilution. This appears to be a
simple relationship between Henry’s
constants and vapor pressure, but it
requires the infinite-dilution activity
coefficient.

In the hypothetical example in
Figure 1, the vapor pressure of
component 1 is 101.3 kPa and y~ =
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1.698 at infinite dilution. This
yields a Henry’s constant of 172
kPa/mol frac.

In a study of organic pollutants in
water, Sandler and Orbey (4) report
infinite-dilution activity coefficients
for several compounds. Values ranged
from 250 to 12,000 for 16 haloorgan-
ic compounds. Thus, the Henry’s con-
stants differ from the pure-component
vapor pressure by several orders of
magnitude.

It is interesting to note that y>
could be less than unity, which means
the Henry’s constant is less than the
vapor pressure. For example, Trampe
and Eckert (5) measured 7y~ for N-
dimethylformamide (DMF), dime-
thylsulfoxide (DMSO), and N-methy-
Ipyrrolidone (NMP) in water. For
DMSO, y;~ ranged from 0.09 to 0.17
and was an increasing function of
temperature.

There are many other investiga-
tions of limiting activity coefficients
in the literature. These two are pre-
sented simply as examples.

Ideal solutions

The term ideal solutions, when
applied to vapor/liquid equilibrium
calculations, refers to systems where



the activity coefficients are approxi-
mately unity. This is a point that has
led to a significant amount of confu-
sion. First, we usually consider a
system “ideal” over a small range of
composition. Second, just because
we assume that a solution is ideal
based on one standard state does not
mean that it is ideal based on the
other standard state.

In the hypothetical example illus-
trated in Figure 1, we can assume
ideal Raoultian behavior for compo-
nent 1 for compositions between
100% and about 92%. Such an ap-
proximation results in an error of less
than 1%. However, assuming ideality
in a Henrian sense would result in a
very large error.

Assuming that ideality for the
Henry’s Law standard state applies
for component 1 for the composition
range of about 0% to 15% would re-
sult in errors less than 10%. On the
other hand, there are significant devi-
ations from Raoult’s Law — such an
assumption would result in an error
of more than 60%, in the worst case.
At 15% component 1, the actual fu-
gacity is 23.2 kPa; the estimate from
the simple Henry’s Law is 25.8 kPa,
whereas the strict Raoult’s Law yields
15.2 kPa.

There are only very rare cases
where a system is ideal in both the
Raoult sense and the Henry sense.
These are systems that obey the strict
Raoult’s Law over the entire range of
composition.

Henry or Raoult —
which to use?

The choice of using Henry’s Law
or Raoult’s Law is merely one of con-
venience. At first glance, Raoult’s
Law appears to be simple to apply.
Assuming ideality, it requires only
pure-component inputs. Even in the
ideal case, Henry’s Law requires bina-
ry data — the Henry’s Law constant is
a function of both the solute and the
solvent. Thus, quick-and-dirty calcu-
lations are readily performed assum-
ing the ideal Raoult’s Law.

But, what if the component does

not have a vapor pressure at the con-
ditions of interest? For example,
methane has a critical temperature of
190 K (-83°C). How can you apply
Raoult’s Law for calculating the solu-
bility of methane in water? There are
methods available for extrapolating
the vapor pressure, but they should be
used with caution. Isn’t it just more
logical to use Henry’s Law for this
case?
Another

application ~ where

Henry’s Law is more convenient is
when one component is very dilute,

even if you would otherwise be in-
clined to use Raoult’s Law. The the-
ory for designing strippers and ab-
sorbers is often based on dilute solu-
tions and often has Henry’s Law im-
plicit in the formulation [see (6), for
example].

Consider the stripping of acetone
from air using water as a solvent. Nor-
mally, we would model the vapor/lig-
uid equilibrium in the water/acetone
system using the Raoult’s Law ap-
proach. Both components are subcriti-
cal, their vapor pressures are well
known, and activity coefficients for
this system are readily available. How-
ever, in the stripping process we are
interested in a region where the ace-
tone is quite dilute and, thus, the
Henry’s Law approach may be simpler
to use.

A bit of a rant

I have a huge pet peeve when it
comes to the application of Henry’s
Law. Time after time, I hear people
saying that Henry’s Law does not
apply because (a) the pressure is
too large or (b) the solute is too
soluble. A previous article (/)
demonstrated how to handle these
situations.

I will return to the effect of pres-
sure later, but I want to address the
concentration here. Yes, when the
concentration becomes large, the
strict Henry’s Law does not apply.
Would these same people use
Raoult’s Law at high concentrations
without correcting for nonidealities?
Of course not! Why then do we de-
mand this of Henry’s Law?

Given an appropriate activity-
coefficient model, the hypothetical
system given in Figure 1 could be
modeled using a Henry’s Law ap-
proach over the entire range of
concentration. And, this is done
with only marginally more effort
than using the Raoult’s Law ap-
proach, which also needs an appro-
priate activity coefficient for accu-
rate calculations.

HENRY’'S CONSTANTS

One of the fundamental difficulties
in using Henry’s Law is the propor-
tionality constant implied by the law
— the so-called Henry’s constant.
Some insist on calling this the
“Henry’s Law constant,” but I think
the term “Henry’s constant” is suffi-
ciently clear and saves a little bit of

typing.

Where to get
Henry's constants

The only reliable sources of
Henry’s constants are those derived
from experimental data. Reliable
methods for correlating Henry's
constants for a wide range of so-
lute/solvent pairs are not currently
available.

The tables of data published in ref-
erence books, such as “Perry’s Hand-
book™ (7), are ultimately extracted
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from experimental solubility  mea-
surements, These are good, and vsu-
ally reliable, sources of Henry's con-
stants.  However, even  these
renowned reference books make mis-
takes (&) If you cannot find the
Henry's constants for the system of
imterest in the standard  reference
books (such as (7 % Iy and the
like), vou should check the primary
literature sources,

Monetheless, if you want Henry's
constants Tor a swstemn for which no
data are available, it is probably wase
1o go to the lab to obtain some data,

The botoan line on Heary's con-
stants 15 (like my father used to say
bl mvaney) — they don't grow on
trees, You do oot get semething for
nothing,

Units for Henry's constants

The basic unit of the Henrv's con-
stant is pressure divided by concen-
trudiodt, Any appropriale units of pres-
sure and concentration cun be used,

Thus, Henry's constant may have
units such as MPafmol/L}, where
the pressure is in megapascals and
the concentration is in  molodky,
Thiz may alzo be expressed in the
somewhat unusual looking form of
MPasLimol,

Confusion  occasionally  arises,
because  authors  often use  mole
fructon as the concentration unit
amd mle fraction actoally has po
units (it is moles per mole, which
cancals outh

So, oflen Heory's constants are
simply reported with units of pres-
gure, | prefer the expression MPa'mol
frac, for exomple, bat that is not uni-
versally accepted, Many a journal ed-
it has crossed off the mel frae pan
in my MAnuscTipts.

Converting the pressure units

The comversion of the pressore
portion of the Henry's constant is di-
pect — it 18 the same as comverting
pressure,  Thus, w convert  from
MPasltmol to kPaelimol, moluply
by LOOE O too comvert  from
MPasLimol o atmeLsmol, multiply

by 8650, The conversion method s
the aame regardless of the pressure
it

Converting the
concentration units

The conversion of the soncentra-
tion umits 15 tach less ohvious and
thus will he discussed in some detal.

Regardiess of the units chosen,
the fugacities must be equal, We can
use this as the basis for our unics
COaversian

[f we select o dilute  selution,
where the activity  coefficients. are
umity regardless of the units, then we
hiam;

efft=mH=* (0¥

where ¢, and m, are the arhitrary, - yet
different, concentration units and the
superscripts on the Henry's constants
indicate that they, ton, are for differ-
ent units, This equation can be reor-
ranged o obtain:

.F.I'J_-' 2 F"?.HI-I m]
J [

Mow, what is required is the con-
version from one concentration umnil
to ancther, We can also utilize the Gacl
that we are al infinite dilution to our
advantage when performing the con-
version, os we zhall see.

Male fraction to molarity. Two
popular units of concentmation, per-
haps the most popular in engineering,
are mole feaction (moles of solute per
male  of  solution)  and  malarcy
{mples of selute per Loof solution}.
We have:

M _ _mnles i/ L of solution
¢, moles i mole of solution

Adter a cancellation, this becomes:

M, 1/ L of selution

¢, = T4 moleof selution

_ meles of solution
T L of solution

Usually when working with mo-
larity, the density of the sclution is
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problemaric — but here is where we
rake advantage of miinite dilution, At
infinite dilution, the density of the so-
lution 4% equal to the density of the
solvent. Similarly, the moles of solo-
fion egqual the moles of aolvent. This
i5 @ grewt savinga! Thus, wae have:

M, _ males of solvent

e L of solvent

which is merely the molar densty of
the solvent in molfL, o
bty 1l
Thus, w convert the Henry™s con-
stant in molarity units o mole frac-
tion wnits, simply moltiply by the
mislar density of the solvent, Comn
versely, 1o po from mole fraction o
mclarity, divide by the molar densi-
L.
" Male Fraction to molality. Anoth-
er sommonly used ot of concentra-
tion is molality (moles of solute per
ke of golvent). To convert from mole
[raction o molality, we have:

m._ molesi /! kg of solvent
¢, moles {/ mele of solution
imnoles of solution

kg ot solvent

Again, taking advantage of the in-
lindte dilution Limit:

oy mioles of solvent

L7 kg of solvent

which i= mughly the molar mass
(molecular weighty of the salvent, or
micT precisely:

i ."I-:l'rI .
¢, = 1000 1]

T convert the Henry's constant
in melality to mole fraction, multi-
ply by the molar mass, expressed
s w'mol, and then divide by 1000,

Molarity and molality, Fipally,
consider the conversion from molari-
v o molality. For agueous solutions
at low concentrations, the melariiy is
approximately equal 1o the malalicy,



since the density of 1 L of water is
about 1 kg. Thus, we should expect
for aqueous systems that these
Henry’s constants are approximately
equal. For other solvents, this is not
the case.

For this conversion we have:

M; _ molesi/L of solution
¢;  molesi/kg of solvent

_ kg of solvent
~ L of solution

Once again, at the infinite dilution
limit this becomes

m; _ kg of solvent
¢; ~ L of solvent

which is the reciprocal of the specific
density of the pure solvent:

m; _ 1,000

[7R P (9)

In this equation, the 1,000 is to
convert from kg/L to the more famil-
iar units of kg/m?3.

Other units. There are many
other units of concentration and to
detail all pairs would not be very
productive.

To convert from any other set of
concentration units, use the proce-
dure as outlined above. It works no
matter what set of concentration
units you are considering. And, re-
member to take advantage of the
infinite dilution to convert any so-
lution properties to those of the
solvent.

An example. The Henry’s con-
stant for hydrogen sulfide in water at
25°C is 990 kPa/(mol/L). At 25°C,
the density of water is 997 kg/m3 or
55.43 mol/L and the molar mass is
18.015 g/mol. Converting from mo-
larity to mole fraction and then to
MPa we have:

H, =990 XPa » 55,34 mol

=54,800 KPa__
mol frac

= 54.8 MPa

Or, in terms of molality:

=990 kP k
H; =990 52 x 997 &
1 m’®_ o kPa
X 1,000 L = 237 o,

As expected, the Henry's con-
stants are approximately equal.
However, as the density of the sol-
vent deviates from 1,000 kg/m3,
which for water occurs at higher
temperature, the difference becomes
more pronounced.

Finally, as a check, we can convert
from mole fraction to molarity:

3 kPa g2
H,=54800 _KPa_ 13015 &

1 .8; kPa
X T,000kg = 28 moly,

which is the result obtained earlier.

A “typical” value
for Henry's constants?

There are no typical values for
Henry’s constants. Much like
vapor pressures, which we know
vary by several orders of magni-
tude, Henry’s constants can range
widely depending upon the system
under consideration. Highly solu-
ble gases have small Henry’s con-

stants, and sparingly soluble gases
have large Henry’'s constants.

For example, the Henry’s constant
for methane in water at 25°C is 4,100
MPa/mol frac (11), whereas for am-
monia in water, it is 0.093 MPa/mol
frac (12). Methane is only sparingly
soluble in water (thus, the large
Henry’s constant), while ammonia is
very soluble in water (thus, the small
Henry’s constant).

Temperature dependence
of Henry's constants

There remains some confusion
about the nature of the effect of
temperature on the solubility of
gases in liquids. There appears to
be a rule of thumb that “as the tem-
perature increases, the solubility of
a gas decreases” (I13). Or, ex-
pressed another way, “the Henry’s
constant is an increasing function
of the temperature” (14). As will be
demonstrated, this is not the case.

To begin, it is well-known that
Henry’s constants are a function of
the temperature. From classical ther-
modynamics, we can derive the fol-
lowing relationship:

dinH;\ - A,
(TF KT e

-~
Butane ~ = o
-
-~ Propane
”’

Ethane

S

B Figure 2. Henry’s constants for four paraffinic hydrocarbons.
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where Ah,,~ is the enthalpy of solu-
tion and R is the gas constant. Mak-
ing the simple assumption that the en-
thalpy of solution is a constant, one
obtains a simple expression for the
effect of temperature on the Henry’s
constants:
InH;=A+BIT (11)
This equation can be used over a
narrow range of temperature. Note
that no assumption was made about
the sign of the heat of solution, only
that it was a constant. Usually, we

do not have heats of solutions, and

so A and B are treated as empirical
constants.

However, in reality the heat of so-
lution is not constant. In addition, it
can be either positive or negative.
Thus, Henry’s constants can be either

an increasing or decreasing function

of temperature. Figure 2 shows the
Henry’s constants for four hydrocar-
bons in water. All of these systems
exhibit a maximum.

The usual procedure is to obtain
experimental solubilities as a function
of temperature. From these data,
Henry’s constants are obtained and
then fit to a semi-empirical form. One
popular expression has the following
form:

in H[j=A+BT+CfT+DlnT(12)

where A, B, C, and D are empirical
constants. Note the similarity be-
tween Egs. 11 and 12.

Another popular form is a power
series in reciprocal temperature:

InH= 2 & (13)

k=0 T*

Typically only four terms are re-
quired. Again, note the similarity be-
tween Eqgs. 11 and 13.

Recently, there has been much in-
terest in the behavior of the Henry’s
constant in the region near the critical
point of the solvent. This has led to a
new generation of correlations that
are valid over a wider range of tem-

perature and have some utility for ex-
trapolation. The reader is referred to
(15, 16) for further details.

So what to do?

If you are looking for Henry’s
constants, the first places to look are
the standard handbooks of chemical
information, particularly those men-
tioned earlier.

Next, you should check the prima-
ry literature (ie., research journals)
for compilations of data or, better yet,
for the raw experimental data. In ei-
ther case, if you find some informa-
tion, it may require some manipula-
tion — conversion of units, convert-
ing solubility data to Henry’s con-
stants, and the like.

If there are no data, you are in
trouble. Fortunately, there are a lot of
data for gases in water, the most com-
mon application of Henry’s Law.
There are correlations for Henry's
constants, but I hesitate to recom-
mend them. The Henry’s constant is
crucial. There really is no substitute
for experimental data. We are really
only using the Henry’s Law approach
to extrapolate the solubility informa-
tion we have to conditions where we
have none.

Next, you must deal with the pos-
sibility that the data are not at the

temperature of interest. If you have
only one point, you're in trouble. The
only thing I can recommend is to use
similitude. Look for data for systems
with similar components and assume
the behavior of the two systems is the
same. For example, for a hydrocarbon
in water, you might assume that the
Henry’s constant for the given hydro-
carbon has the same temperature de-
pendence as those shown in Figure 2.
Unfortunately, this is a poor substi-
tute for data.

If you have a few data points
(two or three or so), you can use
Eq. 11 to approximate the tempera-
ture effect, provided you are not ex-
trapolating over a wide range of
temperature (say, a few Celsius de-
grees). If you want to extrapolate
over a wide range of temperature,
you might want to use similitude as
a guide.

Finally, if there are plenty of data,
fit the data using either Eq. 12 or 13.
These are excellent for interpolating
and can be used to extrapolate over a
wider range of temperature, with a
fair degree of confidence.

The bottom line is this: We are
not using Henry’s Law to predict the
solubility. We are using it to extrapo-
late the data we have to the condi-
tion of interest — to other pressures,
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B Figure 3. Solubility of methane in water.




temperatures, and compositions (for
example, from binary mixtures to
multicomponent ones). Measured
data are rarely at exactly the condi-
tions where we want to estimate the
solubility. In addition, we who do re-
search use systems where data are
plentiful (such as light gases in
water) to give the method a thorough
test. This gives us confidence when
we use the model to perform the
extrapolations.

FURTHER SUBTLETIES

The translation for Henry’s con-
stants to solubility is not obvious and
sometimes has some surprising re-
sults. We’ll look at two of them in
this section.

Calculations presented in this sec-
tion were performed using AQUAIib-
rium. Details of the model can be
found in (17) or at the Web site
http://www.telusplanet.net/public/
jearrol/AQUA.HTM.

Solubility of
methane in water

In Figure 2 we see that the
Henry’s constants for methane go
through a maximum. This should
translate into a minimum in the pre-
dicted solubility, and indeed this is
the case.

Figure 3 shows the solubility of
methane in water at several pressures.
Why don’t they all show minima?
And, why is the minimum a function
of the pressure? The answers to these
questions are derived from the same
phenomena.

First, the Henry’s constant can be
roughly translated into the initial
slope of the solubility curve. This
tells us nothing about the intercept.
The intercept is given by the vapor
pressure of the solvent. At a high
temperature, the vapor pressure of the
solvent is larger. Therefore, the solu-
bility at a higher temperature can be
greater than at a lower temperature
even though the Henry’s constant is
greater.

Figure 4 demonstrates this princi-
ple graphically. On this figure, T, is

B Figure 4.
Solubility of a
gas at two

femperatures.

less than 7, but the Henry’s constant
is less for T, than it is for T,. We can
see this because the slope is less.
The vapor pressure of the pure sol-
vent, the point where the solubility
curve intersects the y-axis, is greater
at T, than at 7|. The vapor pressure
is always larger at a higher tempera-
ture. We can see from the plot that
there is a point where the curves in-
tersect. At lower pressures, the solu-
bility at 7, is greater than at T,.
Then, there is an inversion, after
which the solubility at T, is greater
than at T;,.

If you look at Figure 3, you can
also see maxima on the 2.5 and 5

MPa curves. How can this be? The
simplest explanation for this is that
the curve must intersect the temper-
ature axis at the vapor pressure. At
2.5 MPa, the solubility curve would
intersect the x-axis at 212.4°C,
since the vapor pressure at 212.4°C
is 2.5 MPa. At temperatures greater
than 212.4°C at 2.5 MPa, mixtures
of water and methane exist as a sin-
gle-phase gas. Unfortunately, the
use of the logarithmic scale distorts
things slightly, since there can be
no zero on a log axis. This does ex-
plain the steepness of the 0.5 and 1
MPa curves as they approach the
vapor pressure of water.

M Figure 5. Solubility of methane and ethane in water at 71.1°C (160°F).
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The 0.5 MPa curve should inter-
sect the x-axis at 151.9°C, since the

vapor pressure of water at 151.9°C is
0.5 MPa.

Solubility of ethane
vs. methane

Another subtle, yet interesting,
result of phase equilibrium calcula-
tions is demonstrated by comparing
the solubility of methane and
ethane and, in particular, the effect
of pressure.
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Figure 5 shows the solubility of
methane and ethane at 71.1°C
(160°F). These values were calcu-
lated using a Krichevsky-Henry’s
Law model (1). A few experimental
data are also plotted to show that
the prediction is a fairly accurate
reflection of the observed phe-
nomenon. The data on the plot are
taken from (18-21).

From Figure 3, we can see that at
this temperature the Henry’s con-
stants for methane and ethane are
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nearly equal. This manifests itself
in the fact that the low-pressure
slope of the curves for the two com-
ponents are of similar magnitude.
And, since the temperatures are the
same for the two curves, the solu-
bilities are almost equal, as well.
However, at high pressure, the
solubilities begin to deviate signifi-
cantly. At 50 MPa, the solubility of
methane is almost three times that
of ethane, even though the Henry’s
constants are approximately equal.
This can be explained by two
contributions. First, ethane has a
larger partial molar volume than
methane and, hence, the Poynting
correction is larger. This in turn re-
sults in a larger reference fugacity
as the pressure increases and,
hence, reduced solubility. The sec-
ond effect is that ethane is more
dense than methane. At high pres-
sure, the densities of ethane are
more liquid-like and are significant-
ly greater than those for methane.
Finally, this plot is particularly
impressive for those who say that
Henry’s Law is not applicable at
high pressure. I would say that the
model does a pretty good job of
predicting the solubility over a very
wide range of pressure, considering
the relative simplicity of the model.
A pressure of 100 MPa (14,500 psi)
is certainly beyond most chemical
engineering applications.  CEP|
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