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Standard States at Fixed

and Variable Pressures

A recent contribution to this Journal
(.1) has presented some aspects of the choice of standard
state pressure in thermodynamics. The main purpose
of this paper is to extend the discussion of “variable
pressure standard states,” placing them in a context
of other types of standard states, and to point out some

ways in which they are useful.
The necessity for standard states in thermodynamics

arises with the introduction of the terms U and S
(internal energy and entropy), which is to say (in
Gibbs’ treatment at least) at the very outset. The
changes in these values as systems progress from one
state to another play a fundamental role, but their
absolute values are unknown and are of no great im-
portance, so the necessity of having convenient arbi-
trary states with respect to which U and S in other
states may be compared is obvious. The same of
course applies to other variables of state which contain
these quantities in their equations of definition. Sub-
sequent to Gibbs and the other formulators of the clas-
sical theory, entropy acquired “absolute” values via the
third law, and perhaps if in the future we learn how to
measure mass with (at present) inconceivable accuracy
it may prove convenient to use absolute values of U
derived from its relationship with the product of mass
and the square of the speed of light. Until then we
must use standard states, with both the conveniences
and possibilities for confusion that this entails. The
conveniences arise since various standard states may be
chosen for various purposes, and in terms of temperature
and pressure three main categories of standard states
have been used; states at fixed T and P, states at fixed
P and variable T, and states at variable P and variable
T.

Standard States at Fixed P and T

These states are invariably chosen for the presenta-
tion of data for a pure substance covering a range of
both P and T. The standard state is normally the most
stable form of that substance at some chosen P and T,
which may be the P and T of the triple point, 1 atm
and 0°K, 1 atm and 25°C, or any other combination.
The numerical value of the tabulated function at a

given P and T is then the difference in the function for
the substance in the given and the standard states.
There is no necessity for defining the value of the func-
tion in the standard state to be zero so that “absolute”
values of the function may be given rather than
“delta” values, although this is sometimes done.

Standard states with a variable P or T would be in-
appropriate in this type of situation, since it would re-
sult in the loss of some information. For example, for
a 1-atm, variable T standard state, the values for the
function at P = 1 atm and all temperatures would all

be zero. If the user of the tabulated data wishes to
use any other standard state, including ones with
variable pressures or temperatures, it is a simple matter
to calculate the new values of the function from the
values given relative to the fixed P,T standard state.

Discussion of the role of temperature and pressure
in the remaining two types of standard states will arise
naturally from a discussion of the state variable which
is most useful when the independent variables are T
and P, that is, the Gibbs free energy, G, and the closely
related variables chemical potential, y, fugacity, /,
and activity, a.

Definitions of Activity
Consider a pure substance having molar free energy

G and molar volume V. Since

then
pPt pp*

dG = I FdP (1)J Pi J Pi

If this substance is an ideal gas, integration gives
Gp2 - GPl = RT In {Pi/Pi) (2)

For dealing with real gases, the concept of fugacity
was introduced which allows retention of the form of
eqn. (2), thus

Gp2
-

GPx = RT In Cfpjfp/) O)

Passing lightly over a considerable amount of material,
we may simply note that fugacities have been defined
in such a way that they retain their usefulness in
gaseous solutions, and in fact they can be used for any
constituent of any phase, solid, liquid, or gas, and in
general

m/' - Mi' = RT In cA"//i') (4)

where m is the chemical potential of component i, and
superscripts (') and (") refer to any two states at
temperature T.

Equations (3) and (4) involve changes in state func-
tions, and so once again we come to the problem of
choosing one particular state as a standard state. If
state (') is designated the standard state and given a

superscript °, then
Mi - M*° = RT In (/i//i°)

i G)
= RT In «i

where the activity, aiy is defined as

fli = (6)

With respect to the P and T of the standard state, we
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first note that the form of eqn. (5) (and many analogous
equations) suggests that we use a variable temperature
standard state. The reason for this is that if /xz- and
in0 refer to different temperatures, RT ln (/» //*• °) will
not give their difference, so for convenience (that is if
we wish to use eqn. (5) with no extra terms), the stan-
dard state must always be at the temperature of the
state of interest. Since temperature is one of the most
commonly varied parameters in any series of experi-
ments, and since it is quite inconvenient to calculate
the correction term required if ya0 and \xi refer to differ-
ent temperatures (in fact it is often impossible), the
convention of the variable temperature standard state
has arisen.

The pressure of the standard state is fixed when
fi° and T (or and T) and the physical state of the
system are chosen, but when this is done and if the
standard state pressure is constant, then m° and /<°
are independent of the pressure of the state of interest
because they do not refer to that state. Looking at it
another way, iu° is an integration constant which de-
pends only on the value of T during integration. Its
value depends on the pressure chosen for the standard
state (almost universally chosen to be 1 atm) but not on
the pressure of any other states which may be com-

pared with it.
Next, we can see from consideration of eqn. (5) that it

may often prove convenient to choose as a standard
state a physical state of the substance other than its
most stable state at any given P and T. For example
in the case of gases, either pure or in gaseous solutions,
it proves convenient to choose as the standard state the
hypothetical pure ideal gas at 1 atm and temperature
T, since then/*0 = 1 at all temperatures, and

m - Mi° = RT In ft (7)

For pure solids and liquids the convenient choice
is the pure stable phase at 1 atm and T, since in this case

although we may not know the value of /< or f4° we do
know they are equal at 1 atm, and the activity of pure
phases is 1 at 1 atm and very close to 1 at pressures not
far removed from 1 atm.

Although traditional, there is nothing inherently
necessary about these choices of standard states. If
one wished to choose the ideal gas at T and 1000 atm
rather than 1 atm, or a hypothetical gaseous state for a

substance which happens to be solid or liquid, one is
free to do so. For example, if a problem involves the
activity of H20 at 1000 bars over a temperature range
of 25°-700°C, a convenient choice of standard state
would be ideal gaseous water at T and 1 atm, regard-
less of the fact that below 100°C, water at 1 atm is a

liquid and not a gas. Alternatively, but less wisely,
one might choose as the standard state liquid water or

even hypothetical ice at T and 1 atm. In this case, we

must devise a scheme for calculating the fugacity of
metastable water or ice at temperatures above 100 °C
or 0°C, respectively. The point is that there are no
hard and fast rules, only good and bad judgment.

For pure ideal gaseous component 1 with a standard
state T and 1 atm, eqn. (2) becomes

Gi - GP = RT ln P

or

Gi - GP = RT ln {RT/Vi)

where Vi is the molar volume of component 1. Now
Vi = Vr/rii

where VT is the total volume occupied by ni moles of
component 1, so

Gi — GP = RT In RT + RT ln {m/VT) (8)

To deal with gaseous solutions, we might now intro-
duce the assumption that the same volume VT now
contains n2 moles of component 2 as well as ni moles of
component 1 and that this mixture also behaves as an

ideal gas. That is, that
VT = (m + n2)RT/P

Substituting for VT in eqn. (8), we have

Gi - GS = RT InRT + RT ln 7-”lP{n i + n2)RT
= RT ln NiP (9)

where Ni = U\/{n\ + n2), and where G\ still refers to
the free energy of pure component 1 at T and 1 atm.
Equation (9) may also be written as

Gi - GP = RT In P + RT ln Ni
or

Gi - Gi* = RT In Ni (10)

where
Gi* = GP + RT In P

In eqn. (10), the term Gi* representing the free
energy of component 1 in the standard state is a func-
tion of temperature and the pressure of interest,
whereas Gi° is a function of temperature only. Again,
this does not mean that we are committed to using a
variable pressure standard state, but only that if we
do not we must introduce additional terms into our

equation to correct for the effect of pressure on Gi*.
Incidentally, it is fairly easy to show that if eqn. (10)
holds for liquid solutions, the solutions obey Raoult’s
law.

For real solutions, liquid or gaseous, a correction
factor must be introduced if the form of eqn. (10) is to
be retained, and this usually takes the form of a factor
applied to the concentration term. Thus

mi - GP = RT ln (7RNi) (11)

where departures from ideal (or Raoult’s Law) be-
havior are compensated for by the “rational” or
“Raoult’s law” activity coefficient, yR.

Partial differentiation of eqn. (11) with respect to
the number of moles of a second component, n2, gives

(|T = RT (-ln TB)

+ !" A
’)\on2/T,p,ni \ on2 JT,p,nx \ dn2 /T,p,ni

d ln 7jg\
_

RT
c)n2 /T,p,ni {ni + n2)

Dilute solution theory demonstrates that in sufficiently
dilute solutions, the solvent obeys Raoult’s law, and
yR attains a constant value of one. Thus if we con-
sider solutions of this kind and introduce the approxima-
tion that n2 may be neglected if the last term, then

Now, since the chemical potential of the solute (^u2) is
an intensive parameter it is in mathematical language
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homogeneous in the zeroth degree in (n1}n2), and by
Euler's theorem (3) on homogeneous functions we have

/ d2G \ , /d*G\
__ nUl \dnidn2/ U2

\d7i2V

Thus

(S) = -nd-RTMIn,

or

= — (12)dn2 n2

If we let

wi = 1000/Mi

where Mi is the gram formula weight of component 1 we
lose no generality, and n2 becomes the molality, m, of
component 2. Thus

/5mA
=

RT
\dm)T,p,nt m

Integrating between two arbitrarily chosen molalities,
m' and m,r we have

M2" — M2r = RT In {m"/m')
for solutions in which our previous assumptions are

valid, i.e., that n2 is small enough such that component
1 obeys Raoult's Law. Solutions of this kind are said
to obey Henry's law. As n2 gets larger, this assump-
tion is no longer valid, and again a correction factor is
applied to the concentration terms

= RT In gg (13)

where 7 is the Henry's law activity coefficient.
Once again we have a difference term in a state

variable (m2" — M2') and the necessity of choosing a

standard state for common reference purposes. This
time we have the restriction that the states " and ' are

at the same T and P, since only m was allowed to vary
during integration. In a manner exactly analogous
to the procedure by which we derived eqn. (7) from
eqn. (5) we may now choose our standard state to be a

hypothetical, ideal (7 = 1), 1 molal solution, so that

(7 m)' = 1

and

M2
— M2* = RT In (7m) (14)

where ju2* (as well as /z2) is a function of both the tem-
perature and the pressure on the system.

Similarly, in a manner analogous to our definition of
activity in eqn. (6), we find that we have a new defini-
tion of the same term suggested by eqn. (13), that is

cti = (15)

and thus in general
M2

— M2* = RT In o2 (16)

where (7m)»° is the activity coefficient-molality product
in any chosen standard state and (7m)» is that in any
other state of interest. The choice of a standard state
in which 7 = 1 and m = 1 simultaneously is dictated
not only by the convenience of being then able to use

eqn. (14), but having the solution ideal (obeying

Henry’s Law) means that most of the solute properties
(partial molal enthalpy, etc.) are then the same in the
standard state as in an infinitely dilute solution and
hence we can obtain numerical values for them. We
could also use eqn. (14) by choosing as standard state a

hypothetical 2 m solution having an activity coefficient
of 0.5, but we have no way of obtaining values for any
solute properties in such a solution, and many other
equations based on dilute solution theory would be un-

usable. The fact that the ideal 1 m solution has many
of the properties of an infinitely dilute solution has
led to the common misconception that the infinitely
dilute solution is a standard state. Consideration of
eqns. (13) or (15) will show that having (7m);0 equal
or close to zero would not be practical.

The definition of activity in solution theory is usually
given as

a = 7 m (17)

which of course is a special case of eqn. (15). Equation
(15) seems preferable, however, not only because it
makes quite explicit any choice of standard states but
because of its analogy with eqn. (6). Also, it is possible
to get into dimensional difficulties in equations like
eqn. (14) unless the activity term is clearly seen to be
dimensionless through the use of eqn. (15). Some
authors circumvent this difficulty by assigning units of
inverse concentration to 7, but this is clumsy and quite
unnecessary.

As an example of the usefulness of being able to use

uncommon standard states, suppose we have data in-
volving stability “constants" of some aqueous com-

plexes in solutions having an ionic strength of three.
These “constants" are valid only for solutions of that
ionic strength, or in other words for solutions having
the same activity coefficients as the solutions in which
they were measured. They are actually concentration
quotients having an unknown relationship to the true
thermodynamic equilibrium constant based on the
ideal 1 m solution at that temperature. This relation-
ship can be calculated by estimating all the activity
coefficients involved, but this calculation is highly un-

certain at best, and the general practice is to leave the
data with no such correction.

These concentration quotients are more easily trans-
formed into thermodynamic equilibrium constants by
defining the standard state as a solution 1 m in the
solute under consideration but with an ionic strength
of 3 m at the T and P of interest. Given the usual
assumption that activity coefficients in solutions of
equal ionic strength are equal, this means that for each
species in solution the two 7 terms in eqn. (15) cancel,
m in the denominator is one, and activity equals
molality. An equilibrium constant thus defined is
more useful than a concentration quotient in many
applications. Sillen (3) presents a rather similar treat-
ment of concentration quotients in constant ionic
strength media, but prefers to redefine the activity
coefficients such that they approach unity as the solu-
tion approaches the pure solvent which in this case is
the pure ionic medium or “background salt" solution.
This standard state would also be described as a 1 m

solution in which the ionic strength is 3, with perhaps
an added sentence or two noting the redefined meaning
of 7.

678 / Journal of Chemical Education



In essence, all we have said so far with respect to the
choice of standard states for solution theory is that if we

wish to use equations like eqn. (16), the only mathe-
matical restriction is that the standard state and the
state of interest have the same temperature and pres-
sure. Further definition of the state as to composition
or other physical attributes should be entirely a matter
of convenience.

Standard States at Higher Pressures

With these definitions before us (and so far we have
not deviated from the conventional except in being
somewhat more explicit than usual), we can now examine
the definition of activities at pressures other than 1

atm. As used by Rock (1) the term “fixed pressure
standard state” refers to a standard state which re-

mains at one pressure (almost invariably chosen as 1

atm) regardless of the experimental pressures, whereas
“variable pressure standard states” may be chosen at
various pressures, presumably the experimental pres-
sures involved in a given situation. These names are

not entirely adequate to cover the range of possibilities,
since there are cases where a standard state remains en-

tirely fixed as to pressure, though not at 1 atm. This
includes cases where the pressure chosen is the only
experimental pressure used and cases where it is only
one pressure of many used (perhaps the highest or

lowest) or perhaps a pressure not used in experiments
at all. Prausnitz {//) discusses the choice of standard
state pressure for certain applications. However, this
aspect of the problem of nomenclature is not important
because in every instance, definitions must be explicit
enough to make the usage clear.

The advantages of using the fixed pressure standard
state have been outlined by Rock (1). Most of these
advantages hold regardless of whether the pressure is
fixed at 1 atm or any other pressure, but 1 atm will al-
ways have the very great advantage of being closest
to most experimental data. It will be useful now to
consider the use of the “variable pressure standard
state.”

Consider the simple solubility reaction

X(crystal) + y *H20 (supercritical fluid)
X-i/H20 (aqueous solute)

at high temperatures and 5000 bars pressure. De-
fining our standard states as pure crystalline X, pure
H20, and a hypothetical ideal 1 m solution of *X*yH20
at T and 5000 bars, the equilibrium constant

_
^solute

dx'ClyH20

reduces to K — asoiute, since both X and the aqueous
phase are quite pure (we will assume that X is only
slightly soluble). If we also have reason to believe
that the solute is not appreciably ionized in solution,
then its activity coefficient is close to one, and the
equilibrium constant becomes equal to the concentra-

tion. In this example, use of the (log K versus 1/T)
relationship will give us a AH° value which is a very
good estimate of the differential heat of solution of X
in pure H20 at whatever temperature is considered, a

quantity which under these conditions is very difficult
to derive in any other way.

Obviously, if solubility data are available at a

number of isobars in addition to 5000 bars, then choos-
ing the standard state as equal to the experimental
pressure in all cases constitutes a good example of the
use of the “variable pressure standard state.” An
example of this type of equilibrium is discussed in
greater detail by Anderson and Burnham (5) and some
other applications of the variable pressure standard
state are discussed by Anderson (6).

Another advantage of a variable pressure standard
state is that it eliminates the need for a reference state
as defined by Pitzer and Brewer (7) and Rock (1). This
reference state is in fact unnecessary for gases and pure
solids and liquids, and unusable for solutes for which
partial molar volume data is not available from 1 atm
up to the pressure of interest. In work at very high
pressures and temperatures this means virtually all
solutes, and a high pressure standard state is the only
reasonable alternative.

To summarize these remarks about variable pressure
standard states, we may simply note that the reasons
for using them are identical with those for using variable
temperature standard states. The convenience and
utility of these states greatly outweigh the apparent
simplification which would result from universal use of a
standard state at a fixed P and T. The simplification
is only apparent because with a fixed P, T standard
state the relationships between activities and the
various state variables all become more complicated,
and in many cases unusable.
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