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6  
Solutions of Electrolytes  

I 

Properties of Solutions of Electrolytes Coefficients for Expressing Colligative 
Arrhenius Theory of Electrolytic Dissociation Properties 
Theory of Strong Electrolytes 

The first satisfactory theory of ionic solutions was 
that proposed by Arrhenius in 1887. The theory was 
based largely on studies of electric conductance by 
Kohlrausch, colligative properties by van't Hoff, and 
chemical properties such as heats of neutralization by 
Thomsen. Arrhenius! was able to bring together the 
results of these diverse investigations into a broad 
generalization known as the theory of electrolytic 
dissociation. 

Although the theory proved quite useful for describ-
ing weak electrolytes, it was soon found unsatisfactory 
for strong and moderately strong electrolytes. Accord.. 
ingly, many attempts were made to modify or replace 
Arrhenius's ideas with better ones, and finally, in 1923,. 
Debye and Huckel put forth a new theory. It is based on 
the principles that strong electrolytes are completely 
dissociated into ions in solutions of moderate concentra-
tion and that 'any deviation from complete dissociation 
is due to 'interionic attractions. Debye and Hucke! 
expressed the deviations in terms of activities', activity 
coefficients, and ionic strengths of electrolytic solu-
tions, These quantities, which had been introduced 
earlier by Lewis, are discussed in this chapter together 
with the theory of interionic attraction. Other aspects 
of modem ionic theory and the relationships between 
electricity and chemical phenomena are considered in 
following chapters. 

We begin with a discussion of some of the properties 
of ionic solutions that led to Arrhenius theory of 
electrolytic dissociation. 

PROPERnES OF SOLUTIONS OF ELECTROLYTES 
Electrolysis. When, under a potential of several volts, 

a direct electric current (de) flows through an electro-
lytic cell (Figure 6-1), a chemical reaction occurs. The 

..process is known as electrolysis. Electrons enter the 

cell from the battery or generator at the cathode (road 
down); they combine with positive ions or 'cations, in 
the solution, and the cations are accordingly reduced. 
The negative ions, or anions, carry electrons through 
the solution and discharge them at the anode (road up), 
and the anions are accordingly oxidized. Reduction is 
the addition of electrons to a chemical species, and 
oxidation is removal of electrons from a species. The 
CUITent in a solution consists of.a flow of positive and 
negative ions toward the electrodes, whereas the 
current in a metallic conductor consists of a" flow of free 
electrons migrating through a crystal lattice of fixed 
positive ions. Reduction occurs at the cathode, where 
electrons enter from the external circuit and are added 
to a chemical species in solution. Oxidation occurs at the 
anode where the electrons are removed from a chemical 
species in solution and go into the external circuit. 

_ 

504 = 
Anions (-) 

Fe+++ 
Cations (+) 

-Current  

Fil. 6- 1. Electrolysis in an electrolytic cell. 

E,ectron'll 

12!!\ 
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126 Physical Pharmacy 

In the electrolysis of a solution of ferric sulfate in a 
cell containing platinum electrodes, a ferric ion mi-
grates to the cathode where it picks up an electron and 
is reduced: 

Fe3+ + e = Fe2+ (6-1) 

The sulfate ion carries the current through the solution 
to the anode, but it is. not easily nxidized; therefore, 
hydroxyl ions of the water are converted into molecular 
oxygen, which escapes at the anode, and sulfuric acid is 
found in the solution around the electrode. The oxida-
tion reaction at the anode is 

OH- =  + iH20 + e (6-2) 

Platinum electrodes are used here since they do not 
pass into solution to any extent. When attackable 
metals, such as copper or zinc, are used as the anode, 
their atoms tend to lose electrons, and the metal passes 
into solution as the positively charged ion. 

In the electrolysis of cupric chloride between plati-
num .electrodes, the reaction at the cathode is 

 + e = !Cu· (6-3)2 2 

while at the anode, chloride and hydroxyl ions are 
converted respectively into gaseous molecules of chlo-
rine and oxygen, which then escape. In each of these 
two examples, the net result is the transfer of one 
electron from the cathode to the anode, 

Transference Numbers. It should be noted that the 
flow of electrons through the solution from right to left 
in Figure 6-1 is accomplished by 'the movement of 
cations to the right as well as anions to the left. The 
fraction 
of total current carried by the cations or by the anions 
is known as the transport or transference number 
t.; or t.: 

t _current carried by cations (6-4) 
+ - total current 

t = current carried by anions (6-5) 
- total current 

The sum of the two transference numbers is obviously 
equal to unity: 

t; + t : = 1 (6-6) 

The transference numbers are related to the veloci-
ties of the ions, the faster-moving ion carrying the 
greater fraction of current. The velocities of the ions in 
tum depend on hydration' as well as ion size and charge. 
Hence, the speed and the transference numbers are not 
necessarily the same for positive and for negative ions. 
For example, the transference number of the sodium 
ion in a O.lO-M solution of NaCI is 0.385. Because it is 
greatly hydrated, the lithium ion in a 0.10-M solution of 
LiCI moves slower than the sodium ion and hence has a 
lower transference number, viz., 0.317. 

Electrical Units. According to Ohm's law, the strength 
of an electric current 1 in amperes flowing through a 

metallic conductor is related to the difference in applied 
potential or voltage E and the resistance R in ohms, as 
follows: 

I=E (6-7)R 
The current strength 1 is the rate of flow of current or 
the quantity Q of electricity (electronic charge) in 
coulombs flowing per unit time: 

1=9- (6-8)
t 

and 

Quantity of electric charge, Q 
= current, 1 x time, t (6-9) 

The quantity of electric charge is expressed in coulombs 
(1 coul = 3 x 109 electrostatic units of charge, or esu), 
the current in amperes, and the electric potential in 
volts. 

Electric energy consists of an intensity factor, elec-
tromotive force or voltage, and a quantity factor, 
coulombs. 

Electric energy ::;: E x Q (6-10) 

Faraday'S Laws. In 1833 and 1834, Michael Faraday 
announced his famous laws of electricity, which may be 
summarized in the statement, the passage of 96,500 
coulomb« of electricity through a  cell 
produces a chemical change of 1  -equivalen: 
weight of any substance. The quantity 96,500 is known 
as the faraday, F. The best estimate' of the value today 
is 9.648456 x 104 coulombs per gram equivalent. 

A univalent negative ion is an atom to which a 
valence electron has been added; a univalent positive 
ion is an atom from which an electron has been 
removed. Each gram equivalent of ions of any electro-
.lyte carries Avogadro's number (6.02 x 1ij23) of positive 
or negative charges. Hence, from Faraday's laws, the 
passage of 96,500 coulombs of electricity results in the 
transport of 6.02 x lij23 electrons in the cell. A fa:aday 
is an Avogadro's number of electrons, corresponding to 
the mole, which is an Avogadro's number of molecules. 
The passage of 1 faraday of electricity causes the 
electrolytic deposition of the following number of gram 
atoms or "moles" of various ions: lAg+, 1Cu   
!Fe2+, !Fe3+ . Thus, the number of positive charges kmed ty 1 gram equivalent of Fe3+ is 6.02 x lij23, but 
the number of positive charges carried by 1 gram atom 
or 1 mole of ferric ions is 3 x 6.02 X 1023• 

Faraday's laws can be used to compute the charge on 
an electron in the following way, Since 6.02 x 1ij23 
electrons are associated with 96,500 coulombs of elec-
tricity, each electron has a charge e of 

96,500 coulombs e= 
6.02 x lij23 electrons 

= 1.6 x 10-19 coulombs/electron (6-11) 
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Chapter 6 • Solutions of Electrolytes 127 

and since 1 coulomb = 3 x 109 esu 
e = 4.8 x 10- 10 electrostatic units 

of charge/electron (6-12) 

Electrolytic Conductance. The resistance R in ohms of 
any uniform metallic or electrolytic conductor is di-

'0" rectly proportional to its length l in cm and inversely 
proportional to its cross-sectional area A in cm'', 

IR = p - (6-13)A 
in which p is the resistance between opposite faces of a 
I-em cube of the conductor and is known as the specific 
resistance. 

The conductance C is the reciprocal of resistance, 

1C=- (6-14)R 
.and hence can be considered as a measure of the ease 
with which current can pass through the conductor. It 
is expressed in reciprocal ohms or mhos. From equation 
(6-13), 

c =1. =!:4 (6-15)
R p l 

The specific  K is the reciprocal of specific 
.resistance and is expressed in mhos/em. 

1 
K=- (6-16)

P 
It is the conductance of a solution confined in a cube 1 
em on an edge as seen in Figure 6-2. The relationship 
between specific conductance and conductance or resis-
tance is obtai  by combining equations (6-15) and 
(6-16). 

K=ci=1.i (6-17)A RA 
Measuring the Conductance of Solutions. The Wheat-

stonebridge assembly for measuring the conductance of 
a solution is shown in Figure 6-3. The. solution of 
unknown resrstance Rx is placed in the cell and 

Electrodes 

8 + 

 

e 
v = 1 cm3 Volume containing 

Specific conductance (Ie) one equivalent 
of solute 

Fil. 6-2. Relationship between specific conductance and equivalent 
conductance. 

Variable condenser 

/ 

V\  Oscillator 
Fig. 6-3. Wheatstone bridge for conductance measurements. 

connected in the circuit. The contact point is moved 
along the slide wire beuntil at some point, say d, no cur-
rent from the source of alternating current (oscillator) 
.flows through the detector (earphones or oscilloscope). 
When the bridge is balanced the potential at a is equal 
to that at d, the sound in the earphones or the 
oscillating pattern on the oscilloscope is at a minimum, 
and the resistances R s' R 1, and R2 are read.. In the 
balanced state, the resistance of the solution  is 
obtained from the equation 

RIs; = R B R2 (6-18) 

The variable condenser across resistance R 8 is used to 
produce a sharper balance. Some   
are calibrated in conductance as well as resistance 
values. The electrodes in the cell are platinized with 
platinum black by electrolytic  so that catal-
ysis of the reaction will occur at the platmum surfaces, 
and formation of a nonconducting gaseous film will not 
occur on the electrodes. 

Water that is carefully purified by redistillation in the 
presence of a little permanganate is used to prepare the 
solutions. Conductivity water, as it is called, has a 
specific conductance of about 0.05 x 10-6 mho/em at 
18° C whereas ordinary distilled water has a value 

 over 1 x 10-6 mho/ern. For most conductiv-
ity studies, "equilibrium water" containing. CO2 from 
the atmosphere is satisfactory. It 'has a specific conduc-
tance of about 0.8 x 10-6 mho/em, 

The specific conductance K is computed from  
resistance R or conductance C by use of equation 
(6-17). The ;uantity lIA, the ratio of distance  
electrodes to the area of the electrode, has a definite 
value for each conductance cell; it is known as the cell 
constant, K. Equation (6-17) thus can be written 

K = KC = K/R (6-19) 

(The subscript x is no longer needed on R and is 
therefore dropped.) It would be difficult to measure l 
and A, but it is a simple matter to determine the cell 
constant experimentally. The specific  ?f 
several standard solutions has been deterrmned In 
carefully calibrated cells. For example, a solution 
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128 PhysicalPharmacy 

containing 7.45263 g of potassium chloride in 1000 g of 
water has a specific conductance of 0.012856 mho/ernat 
25°C. A solution of this concentration contains 0.1 mole 
of salt per cubic decimeter (100 cm'') of water and is 
known as a 0.1 demal solution. When such a solution is 
placed in a cell and the resistance is measured, the cell 
constant can be determined by use of equation (6-19). 

Ex.mpl, 6- I. A O.I-demal solution of KCI was placed in a cell 
whose constant K was desired. The resistance R was found to be 
34.69 ohms at 25° C. 

K = KR = 0.012856 mho/em x 34.69 ohms 
= 0.4460em"! 

Example 6-2. When the cell described in Example 6-1 was filled 
with a O.OI-N  solution, it had a resistance of 397ohms. What 
'is the specific conductance? 

K 0.4460 3 mh 1 
K = R= 397 = 1.1234 x 10- 0 cm 

Equivalent Conductance. To study the dissociation of 
molecules into ions, independent of the  
the electrolyte, it is convenient to use equivalent  
conductance rather than specific conductance. All sol-

.. utes of equal normality produce the same number of  
ions 'when completely dissociated., and equivalent con- 
ductance measures the current-carrying capacity of this  
given number of ions. Specific conductance, on the  
other hand, measures the current-carrying capacity of  
all ions in a unit volume of solution and accordingly  
varies with concentration. 

Equivalent conductance A is defined as the conduc-
tance of a solution of sufficient volume to contain 1gram 
equivalent of the solute when measured in a cell in 
which the electrodes are spaced 1 em apart. The 
equivalent conductance Ac at a concentration o( c gram 
equivalents per liter is calculated from the product of 
the specific conductance K and the volume V in cm3 that 
contains 1 gram equivalent of solute. The cell may be 
imagined as having electrodes 1 em apart and to be of 
sufficient area so that it can contain the solution. The 
cell is shown 'in Figure' 6-2.   

3 · \1 

V = 1000 cm./liter = 1000 cm3/E r (6-20) 
c Eqlliter c ,  

 

The equivalent conductance is obtained when K, the 
sconductance per cm of solution (i.e., the specific 

conductance), is multiplied by V, the volume in em3 that 
contains 1 gram equivalent weight of solute. Hence, the 
equivalent conductance Ac' expressed in units of mho 
cm2/Eq, is given by the expression 

Ac = K X V (6-21) 

= 1000 K mho cm2/Eq 
C 

If the solution is 0.1 N in concentration, then the 
volume containing 1 gram equivalent of the solute will 
be 10,000 em3, and, according to equation  the 
equivalent conductance will be 10,000 times as great as 
the specific conductance. This is seen in  6-9. 

Exampl,6-3. The measured conductance of a O.I-N solution of a 
drug is 0.0563 mho at 25° C. The cell constant at 25° Cis 0.520 em". 
What is the specific conductance and what is the equivalent conduc-
tance of the solution at this concentration? 

K = 0.0563 x 0.620 = 0.0293 mho/cm 
Ac = 0.0293 x 1000/0.1 

= 293 mho cm2/Eq 

Equivalent Conductance ofStrooland Weak Electrolytes. 
As the solution of a strong electrolyte is diluted, the 
specific conductance K decreases because the number of 
ions per unit volume of solution is reduced. (It some-
times goes through a maximum before decreasing.) 
Conversely, the equivalent conductance A of a solution 
of a strong electrolyte steadily increases on dilution. 
The increase in A with dilution is explained as follows. 
The quantity of electrolyte remains constant at 1 gram 
equivalent according to the definition of equivalent 
conductance; however, the ions are hindered less by 
their neighbors in the more dilute solution and hence 
can move faster. The equivalent conductance of a weak 
electrolyte also increases on dilution, but not as rapidly 
at first. 

Kohlrausch was one of the first investigators to study 
this phenomenon. He found that the equivalent conduc-
tance was a linear function of the square root of the 
concentration for strong electrolytes in dilute solutions, 
as illustrated in Figure 6-4. The expression for Ac' the 
equivalent conductance at a concentration c (Eq/L), is 

Ac = Ao - bYe (6-22) 
in which Ao is the intercept on the vertical axis and is 
known as the equivalent conductance at infinite dilu-
tion. The constant b is the slope of the line for the 
strong electrolytes shown in Figure 6-4. 

When the equivalent conductance of a weak electro-
lyte is plotted against the square root of the concentra-

140 AHc ) 

440 

120 
420 

100 
400 

80 .... .... 
A 380 

60 
360 

40 
340 

20 
320 

00 0.1 0.2 0.3 
Vi 

Fli. 8-4. Equivalent conductance of strong and weak electrolytes. 
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tion, as shown for acetic acid in Figure 6-4, the curve 
cannot be extrapolated to a limiting value, and Ao must 
be obtained by a method such as is described in the 
following paragraph. The steeply rising curve for acetic 
acid results from the fact that the dissociation of weak 
electrolytes increases on dilution, with a large increase 
in the number of ions capable of carrying the current. 

Kohlrausch concluded that the ions of all electrolytes 
begin to migrate independently as the solution is 
diluted; the ions in dilute solutions are so far apart that 
they do not interact in any. way. Under these condi-
tions, Ao is the sum of the equivalent conductances of 
the cations leo and the anions lao at infinite dilution 

(6-23) 

Based on this law, the known Ao values for certain 
electrolytes can be added and subtracted to yield Ao for 
the desired weak electrolyte. The method is illustrated 
in the following example. 

Example 6-4. What is the equivalent conductance at infinite 
dilution of the weak acid phenobarbital? The Ao of the strong 
electrolytes, HCI, sodium phenobarbital (NaP), and NaCI are ob-
tained from the experimental results shown in Figure  The 
values are AoHC1 = 426.2, AoNaP = 73.5, and  = 126.5 mho 
cm2/Eq. 

Now, by Kohlrausch's law of the independent migration of ions, 

AoHP = lff+ +  

and 
AoHC1 + AoNaP - AoNaCI = lil+ + +  +  -  -

which, on simplifying the right-hand side of the equation, becomes 

AoHCl + AoNaP - AoNaCI = lYi + +  

Therefore, 

AoHP = AoHC1 + A oNaP - AoNaCI 

and 
A oHP = 426.2 + 73.5 - 126.5 

2IEq= 373.2 mho cm

Collilative Properties of Electrolytic Solutions and Con-
centrated Solutions of Nonelectrolytes. As stated in the 
previous chapter, van't Hoff observed that the osmotic 
pressure of dilute solutions of nonelectrolytes, such as 
sucrose and urea, could be expressed satisfactorily by 
the equation, 'IT = RTc, equation (5-34), page 118, in 
which R is the gas constant, T is the absolute temper-
ature, and c is the concentration in moles per liter. 
Van't Hoff found, however, that solutions of electro-
lytes gave osmotic pressures approximately two, three, 
and more times larger than expected from this equa-
tion, depending on the electrolyte investigated. By 
introducing a correction factor i to account for the 
irrational behavior of ionic solutions, he wrote 

11" = iRTc (6-24) 
By the use of this equation, van't Hoff was able to 
obtain calculated values that compared favorably with 
the  results of osmotic pressure. Van't 
Hoff'recognized that i approached' the number of ions 
intowhich the molecule dissociated as the solution was 
made increasingly dilute. 

Chapter6 • Solutions of Electrolytes 129 

The factor i may also be considered to express the 
departure of concentrated solutions of nonelectrolytes 
from the laws of ideal solutions. The deviations of 
concentrated solutions of nonelectrolytes can be ex-
plained on the same basis as deviations of real solutions 
from Raoult's law, considered in the preceding chapter. 
They included differences of internal pressures of the 
solute and solvent, polarity, compound formation or 
complexation, and association of either the solute or 
solvent. The departure of electrolytic solutions from the 
colligative effects in ideal solutions of nonelectrolytes 
may be attributed-in addition to the factors just 
enumerated- to dissociation of weak electrolytes and 
to interaction of the ions of strong electrolytes. Hence, 
the van't Hoff factor i accounts for the deviations of real 
solutions of nonelectrolytes and electrolytes, regardless 
of the reason for the discrepancies. 

The i factor is plotted against the molal concentration 
of both electrolytes and nonelectrolytes in Figure 6...;..5. 
For nonelectrolytes, it is seen to approach unity, and 
for strong electrolytes, it tends toward a value equal to 
the number of ions formed upon dissociation. For 
example, i approaches the value of 2 for solutes such as 
NaCI and CaS04' 3 for  and CaCI2, and 4 for 
K3Fe(C)6 and. FeCI3• 

The van't Hoff factor can also be expressed as the 
ratio of any colligative property of a real solution to that 
of an ideal solution of a nonelectrolyte, since i repre-
sents the number of times greater that the colligative 
effect is for a real solution (electrolyte 'or nonelectro-
lyte) than .for an ideal nonelectrolyte. 

The colligative properties in dilute solutions of elec-
trolytes- are expressed on the molal scale by the 
equations 

ap = O.Ol8ip1om (6-25) 

11' = iRTm (6-26) 

aTf = iKfm (6-27) 

aTb = iKbm (6-28) 

5 

4 

3 

NaCI2 

1 Sucrose 

°0 1 2 3 
Molality 

FII.8-5. Van't Hoff i factor of representative compounds. 
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130 Physical Pharmacy 

Equation (6-25) applies only to aqueous solutions, 
whereas (6-26), (6-27), and (6-28) are independent of 
the solvent used. 

Example 6-5. What is the osmotic pressure of a 2.0-m solution of 
sodium chloride at 20° C? 

The i factor for a 2.0-m solution of sodium chloride as observed in 
Figure 6-5 is about 1.9. 

1T = 1.9 x 0.082 x 293 x 2.0 = 91.3 atm 

ARRHENIUS THEORY OF ELECTROLYTIC D"ISSOCIATION 
During the period in which van't Hoff was developing 

the solution laws, the Swedish chemist Svante Arrhe-
nius was preparing his doctoral thesis on the properties 
of electrolytes at the University of Uppsala in Sweden. 
In 1887, he published the results of his investigations 
and proposed the now classic theory of dissociation. 1 

The new theory resolved many of the anomalies 
encountered in the earlier interpretations of electrolytic 
solutions. Although the theory was viewed with disfa-
vor by some influential scientists of the nineteenth 
century, Arrhenius's basic principles of electrolytic 
dissociation were gradually accepted and are still 
considered valid today. The theory of the existence of 
ions in solutions of electrolytes even at ordinary 
temperatures remains intact, aside from some modifi-
cations and elaborations that have been made through 
the years to bring it into line with certain stubborn 
experimental facts. 

The original Arrhenius theory, together with the 
alterations that have come about as a result of the 
intensive research on electrolytes, is summarized as 
follows. When electrolytes are dissolved "in water, the 
solute exists in the form of ions in the solution, as seen 
in the following equations 

H20 + Na+CI-  
[Ionic compound] 

Na" + CI- + H20 

.[Strong electrolyte] (6-29) 
H20 + HCI  

[Covalent 
compound] 

HgO+ + CI-

[Strong electrolyte] (6-30) 

H20 + CHgCOOH 
[Covalent 
compound] 

 HgO+ + CHgCQO-

[Weak electrolyte] (6-31) 

The solid form of sodium chloride is.marked with + 
and - signs in reaction (6-29) to indicate that sodium 
chloride exists as ions even in the crystalline state. If 
electrodes are connected to a source of current ana are 
placed in a mass of fused sodium chloride, the molten 
compound will conduct the electric current, since the 
crystal lattice of the pure salt consists of ions. The 
addition of water to the solid dissolves the crystal and 
separates the ions in solution. 

Hydrogen chloride exists essentially as neutral mol-
ecules rather than as ions in the pure form, and does not 
conduct electricity. When it reacts with water, how-
ever, it ionizes according to reaction (6-30). HgO+ is 
the modern representation of the hydrogen ion in water 
and is known as the hydronium or oxonium ion. In 
addition to HgO+, other hydrated species of the proton 
probably exist in solution, but they need not be 
considered here. 2 

Sodium chloride and hydrochloric acid are strong 
electrolytes because they exist almost completely in the 
ionic form in moderately concentrated aqueous solu-
tions. Inorganic acids such as HCI, HN03, H2S04, and 
HI; inorganic bases as NaOH and KOH of the alkali 
metal family and Ba(OH)2 and Ca(OH)2 of the alkaline 
earth group; and most inorganic and organic salts are 
highly ionized and belong to the class of strong 
electrolytes. 

Acetic acid is a weak electrolyte, the oppositely 
directed arrows in equation (6-31) indicating that an 
equilibrium between the molecules and ions is estab-
lished. Most organic acids and bases and some inorganic 
compounds, such as HgBOg, H2COg, and NH 40H, 
belong to the class of weak electrolytes. Even some 
salts (lead acetate, HgCI2, HgI, and HgBr) and the 
complex ions Hg(NHg)2+  Cu(NHa)42+, and Fe(CN)63-

I 

are weak electrolytes. 
Faraday applied the term ion (Greek: wanderer) to 

these species of electrolytes and recognized that the 
cations (positively charged ions) and anions (negatively 
charged ions) were responsible for conducting the 
electric current. Before thetime of Arrhenius's publi-
cations, it was believed that a solute was not spontane-
ously decomposed in water, but rather dissociated 
appreciably into ions only when an electric current was 
passed through the solution. 

Drugs and Ionization. Some drugs, such as anionic and 
cationic antibacterial and antiprotozoal agents, are 
more active when in the ionic state. Other compounds, 
such as the hydroxybenzoate esters (parabens) and 
many general anesthetics, bring about their biologic 
effects as nonelectrolytes. Still other compounds, such 
as the sulfonamides, are thought to exert their drug 
action both as ions and as neutral molecules. 3 

Degree of Dissociation. Arrhenius did not originally 
consider strong electrolytes to be ionized completely 
except in extremely dilute solutions. He differentiated 
between strong and weak electrolytes by the fraction of I 

the molecules ionized: the degree of dissociation Q. A! 
strong electrolyte was one that dissociated into ions to ! 
a high degree and a weak electrolyte one that dissoci-! 
ated into ions to a low degree. I 

Arrhenius determined the degree of dissociation! 
directly from conductance measurements. He 'recog-. 

 that the  conductance at.infin.ite. dilu-! 
tion Ao was a measure of the complete dISSOCIatIon of 
the solute into its ions and that Ac represented the! 
number of solute particles present as ions at a concen-
tration c. Hence, the fraction of solute molecules! 

I 

 PFIZER, INC. v. NOVO NORDISK A/S - IPR2020-01252, Ex. 1057, p. 9 of 81

DKumar
Sticky Note
None set by DKumar

DKumar
Sticky Note
MigrationNone set by DKumar

DKumar
Sticky Note
Unmarked set by DKumar



ionized, or the degree of dissociation, was expressed by 
the equation' 

Ac0.=- (6-32)Ao 

in which Ac/Ao is known as the conductance ratio. 
Example 6-6. The equivalent conductance of acetic acid at 25° C 

and at infinite dilution is 390.7 mho cm2/Eq. The equivalent conduc-
tance of a 5.9 x 10-3 M solution of acetic acid is 14.4 mho cm2/Eq. 

What is the degree of dissociation of acetic acid at this concentration? 
14.4 

a = 390.7 = 0.037 or 3.7% 

The van't Hoff factor i can be connected with the 
degree of dissociation a in the following way. The i 
factor equals unity for an ideal solution of a nonelectro-
lyte; however, a term must be added to account for the 
particles produced when a molecule of an electrolyte 
dissociates. For 1 mole of calcium chloride, which yields 
3 ions per molecule, the van't Hoff factor is given by 

i = 1 + 0.(3 - 1) (6-33) 
or, in general, for an electrolyte yielding v ions, 

i = 1 + o.(v - 1) (6-34) 
from which is obtained an expression for the degree of 
dissociation, 

i-I (6-35)o.=v-1 

The cryoscopic method is used to determine' i from the 
expression 

(6-36) 
or 

(6-37) 

Example 6-7. The freezing point of a 0.10-m solution of acetic acid 
is -0.188° C. Calculate the degree of ionization of acetic acid at this 
concentration. Acetic acid dissociates into two ions, that is, v = 2. 

. 0.188 
t = 1.86 x 0.10 = 1.011 

a = i-I = 1.011 - 1 = 0.011 
v-I 2-1 

In other words, according to the result of Example 
6-7 the fraction of acetic acid present as free ions in a 
O.10-m solution is 0.011. Stated in percentage terms, 
acetic acid in 0.1 m concentration is ionized to the 
extent of about 10/0. 

THEORY OF STRONG, ELECTROLYTES 
Arrhenius used a to express the degree of dissocia-

tion of both strong and weak electrolytes, and van't 
Hoffintroduced the factor i to account for the deviation 
of strong and weak electrolytes and nonelectrolytes 

Chapter 6 • Solutions of Electrolytes 131 

from the ideal laws of the colligative properties, 
regardless of the nature of these discrepancies. Accord-
ing to the early ionic theory, the degree' of dissociation 
of ammonium chloride, a strong electrolyte, was calcu-
lated in the same manner as that of a weak electrolyte. 

Example 6-8. The freezing point depression for a O.Ol-msolution of 
ammonium chloride is 0.0367° C. Calculate the "degree of dissocia-
tion" of this electrolyte. 

i =  = 0.0367° = 1.97 
Kfm 1.86 x 0.010 

a = 1.97 - 1 = 0.97 
2 - 1 

The Arrhenius theory is now accepted for describing 
the behavior only of weak electrolytes. The degree of 
dissociation of a weak electrolyte can be calculated 
satisfactorily from the conductance ratio AdAo or 
obtained from the van't Hoff i factor. 

Many inconsistencies arise, however, when an at-
tempt is made to apply the theory to solutions of strong 
electrolytes. In dilute and moderately concentrated 
solutions, they dissociate almost completely into ions, 
and it is not satisfactory to write an equilibrium 
expression relating the concentration of the ions and 
the minute amount of undissociated molecules, as is 
done lor weak electrolytes (Chapter 7). Moreover, a 
discrepancy exists between a calculated from the i 
value and a calculated from the conductivity ratio for 
strong electrolytes in aqueous solutions having concen-
trations greater than about 0.5 M. 

For these reasons, one "does not account for the 
deviation of a strong electrolyte from ideal nonelectro-
lyte behavior by calculating a degree of dissociation. It 
is more convenient to cbnsider a strong electrolyte 'as 
completely ionized and to introduce a factor that 
expresses the deviation of the solute from 10.0% ioniza-
tion. The activity and osmotic coefficient, discussed in 
subsequent paragraphs, are used for this purpose, 

Activity and Activity Coefficients. An approach that 
conforms well to the facts and that has evolved from a 
large number of studies on solutions of strong electro-
lytes ascribes the behavior .of strong electrolytes to an 
electrostatic attraction between the ions. 

The large number of oppositely charged ions in 
solutions of electrolytes influence one another through 
interionic attractive forces. Although this interference 
is negligible in dilute solutions, it becomes appreciable 
at moderate concentrations. In solutions of weak elec-' 
trolytes, regardless of concentration, the number of 
ions is small and the interionic attraction correspond-
ingly insignificant. Hence, the Arrhenius theory and 
the concept of the degree of dissociation are valid for 
solutions of weak electrolytes but not for strong 
electrolytes. 

Not only are the ions interfered with in their 
movement by the "atmosphere" of oppositely charged 
ions surrounding them; they also can associate at high 
concentration into groups known as ion pairs, for 
example, Na+CI-, and ion triplets, Na+Cl" Na+. Asso-
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132 Physical·Pharmacy 

ciations of still' higher orders may exist in solvents of 
low dielectric constant, in which the force of attraction 
of oppositely charged ions is large. 

Because of the electrostatic attraction and ion asso-
ciation in moderately concentrated solutions of strong 
electrolytes, the values of the freezing point depression 
and the other colligative properties are less than 
expected for solutions of unhindered ions. Conse-
quently, a strong electrolyte may be completely ion-
ized, yet incompletely dissociated into free ions. 

One may think of the solution as having an "effective 
concentration'" or, as it is called, an activity. The 
activity, in general, is less than the actual or stoichio-
metric concentration of the solute, not because the 
strong electrolyte is only partly ionized, but rather 
because some of the ions are effectively "taken out of 
play" by the electrostatic forces of interaction. 

At infinite dilution in which the ions are so widely 
separated that they do not interact with one another, 
the activity a of an ion is equal to its concentration, 
expressed as molality or molarity. It is written on a 
molal basis at infinite dilution as 

a=m (6-38) 
or 

a -= 1 m (6-39) 

As the concentration of the solution is increased, the 
ratio becomes less than unity because the effective 
concentration or activity of the ions becomes less than 
the stoichiometric or molal concentration. This ratio is 
known as the practical activity coefficient 'Ym on the 
molal scale, and the formula is written, for a particular 
ionic species, as 

-a = 'Ym (6-40)m 
or 

 

On the molarity scale, another practical activity coeffi-
cient 'Ye is defined as 

a = 'YcC (6-42) 
and on the mole fraction scale, a rational activity 
coefficient is defined as 

a = 'YxX (6-43) 
One sees from equations (6-41), (6-42), and (6-43) 

that these coefficients are proportionality constants 
relating activity to molality, molarity, and mole frac-
tion, respectively, for an ion. The activity coefficients 
take on a value of unity and are thus identical in 

 dilute solutions; The three coefficients usually 
decrease and assume different values as the concentra-
tion is increased; however, the differences among the 
three activity coefficients may be disregarded in dilute 

solutions in which c == m < 0.01. The concept of activity 
and activity coefficient was first introduced by Lewis 
and Randa1l5 and may be applied to solutions of 
nonelectrolytes and weak electrolytes as well as to the 
ions of strong electrolytes. 

A cation and an anion in an aqueous solution may each 
have a different ionic activity, This is recognized by 
using the symbol c., when speaking of the activity of a 
cation and the symbol a.: when speaking of the activity 
of an anion. An electrolyte in solution contains each iJf 
these ions, however, so it is convenient to define a 
relationship between the activity of the electrolyte a± 
and the activities of the individual ions. The activity of 
an electrolyte is defined by its mean ionic activity, 
which is given by the relation 

a± = (n.,ma_n)lI(m+n) (6-44) 

in which the exponents m and n give the stoichiometric 
number of given ions that are in solution. Thus, an NaCl 
solution has a mean ionic activity of 

a± = (aNa+aCl- )112 

whereas an FeCl3 solution has a mean ionicactivity of 
3)l/4a± = (aFe+3Q,CI-

The ionic activities of equation (6-44) may be 
expressed in terms of concentrations using any of 
equations (6-41) to (6-43). Using equation (6-42) one 
obtains from equation (6-44) the expression 

a± = [('Y+c+)m('Y_c_)n]l/(m+n) (6-45) 

or 
a± = ('Y+m'Y_n)l/(m+n)(c+»e:n)l/(m+n) (6-46) 

The mean ionicactivity coefficient for the electrolyte 
can be defined by 

'Y± = ("1+<:n)l/(m+n) (6-47) 

and 

 = "1+m'Y_n (6-48) 

Substitution of equation (6-47) into equation (6-46) 
yields 

a± = -y±(c+mc_n)l/(m+n) (6-49) 

In using equation (6.-49), it should be noted that the 
concentration of the electrolyte c is related to the 
concentration of its ions by 

(6-50) 

and 

e: = nc (6-51) 

Example 6-9. What is the mean ionic activity of a 0.01M solution 
of FeCIs? 

 = 3)1/4 =  X 0.01)3]1/4 
= 2.3 x  
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Chapter 6 • Solutions of Electrolytes 133 

It .  possible' to obtain the mean ionic activity 
coeffictent 'Y:t of an electrolyte by several experimental 

 as well as by a theoretic approach. The 
expenmental methods include distribution coefficient 
studies, electromotive force measurement, colligative 
property methods, and solubility determinations. 

 results may then be used to obtain approximate 
activity coefficients for individual ions where this is 
desired.6) , 

Debye and Huckel have developed a theoretic 
method by which it is possible to calculate the activity 
coefficient of a single ion as well as the mean ionic 
activity coefficient of a solute without recourse to 
experimental data. Although the theoretic equation 
agrees with experimental findings only in dilute solu-
tions (so dilute, in fact, that some chemists have 
:eferred jokingly-to such solutions as "slightly contam-
mated water"), it has certain practical value in solution 
calcU:lations. Furthermore, the Debye-Huckel equation 
provides a remarkable confirmation of modem solution 
theory. 

The mean ionic activity coefficients of a number of 
strong electrolytes are found in Table 6-1. The results 
ofvarious investigators vary in the third decimal place; 
therefore, most of the entries in the table' have been 

 only to two places, providing. sufficient preci-
sion  the calculations in this book. Although the 
values In the table are given at various molalities, we 

  these activity coefficients for problems 
involving molar concentrations (in which ,m < 0.1) 
since, in dilute solutions, the difference between mola-
lity and molarity is not. great. 

The mean values of Table 6-1 for NaCI, CaCI2, and 
ZnS04 are plotted in Figure 6-6 against the square 
root of the molality. The reason for plotting the square 
root of the concentration is due to the form that the 
Debye.-Huckel equation takes (p. 136). The activity 
coeffieient approaches unity with increasing dilution. 
As the concentrations of some of the electrolytes are 
increased, .their curves pass through minima and rise 
again to values greater than unity. Although the curves -
for different electrolytes of the same ionic class coincide 

.;. 1.2 
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Fil. 6-6. Mean ionic activity coefficients of representative electro-
lytes plotted against the square root of concentration. 

with increasing concentration is due to the interionic 
attraction, which causes the activity to be less than the 
stoichiometric concentration. The rise in the activity 
coefficient following the minimum in the curve of an 
electrolyte, such as Hel and  can be attributed to 
the attraction of the water molecules for the ions in 
concentrated aqueous solution. This 8olVation reduces 
the interionic attractions and increases the activity 
coefficient of the solute. It is the same effect that 
results in the salting out of nonelectrolytes from 
aqueous solutions to which electrolytes have' been 
added. 

Activity of the Solvent. Thus far, the discussion ,of 
activity and activity coefficients has centered on the 
solute and particularly on electrolytes. It is customary 
to define the activity of the solvent on the mole fraction 
scale. When a solution is made infinitely dilute, it can be 
considered to consist essentially of pure solvent, There-
fore, Xl alE 1, and the solvent behaves ideally in 
conformity with Raoult's law. Under this condition, the 
mole fraction can be set equal to the activity ,of the 
solvent, or Iat lower concentrations, they differ widely at higher  

values. The initial decrease in the activity coefficient a = Xl = 1 (6-52)  

TABLE 6-1. ".." Ionic Activity Coeffici,nts of SOli' StrDn, Electrolyte, ,t250 Con ",. 110/" SC,,, 

Molality 
(m) Hel NaCl KCI NaOH CaCI2 H2SO4 Na2S04 CUS04 ZnS04 
0.000 1.00 1.00 1.00 1.00 1.00 1.00 1.00 1.00 1.00 
0.005 0.93 0.93 0.93 0.79 0.64 0.78 0.53 0.48 
0.01 0.91 0.90 0.90 0.90 0.72 0.55 0.72 0.40 0.39 
0.05 0.83 0.82 0.82 0.81 0.58 0.34 0.51 0.21 0.20 
0.10 0.80 0.79 0.77 0.76 0.52 0.27 0.44 0.15 0.15 
0.50 0.77 0.68 0.65 0.68 0.51 0.16 0.27 0.067 0.063 
1.00 0.81 0.66' 0.61 0.67 0.73 0.13 0.21 0.042 0.044 
2.00 1.01 0.67 0.58 0.69 1.55 0.13 0.15 0.035 
4.00 1.74 0.79 0.58 0.90 2.93 0.17 0.14 
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134 Physical Pharmacy 

As the solution becomes more concentrated in solute, 
the activity of the solvent ordinarily becomes less than 
the mole fraction concentration, and the ratio can be 
given, as for the solute, by the rational activity 
coefficient 

a (6-53)Xl =  

or 

a =  (6-54) 

The activity of a volatile solvent can be determined 
rather simply. The ratio of the vapor pressure PI of the 
solvent in a solution to the vapor pressure of pure 
solvent PI° is approximately equal to the activity of the 
solvent at ordinary pressures: al = PI/po. 

Example 6- 10. The vapor pressure of water in a solution containing 
0.5 mole of sucrose in 1000 g of water is 17.38 mm, and the vapor 
pressure of pure water at 200 C is 17.54 mm. What is the activity (or 
escaping tendency) of water in the solution? 

17.38 
a = 17.54 = 0.991 

Reference State. The assignment of activities to the 
components of solutions provides a measure of the 
extent of departure from ideal solution behavior. For 
this purpose, a reference state must be established in 
which each component behaves ideally. The reference 
state may be defined as the solution in which the 
concentration (mole fraction, molal or molar) of the 
component is equal to the activity: 

activity = concentration 

or, what amounts to the same thing, the ,activity 
coefficient is unity, 

, = activity = 1 
 concentration 

The reference state for a solvent on the mole fraction 
scale was shown in equation (6'-52) to be the pure 
solvent. 

The reference state for the solute may be chosen 
from one of several possibilities. If a liquid solute is 
miscible with the solvent (e.g., in a solution of alcohol in 
water), the concentration may be expressed in mole 
fraction, and the pure liquid may be taken as the 
reference state, as was done for the solvent. For a 
liquid or solid solute having a limited solubility in the 
solvent, the reference state is ordinarily taken as the 

'infinitely dilute solution in which the concentration of 
the solute and the ionic strength (see the following) of 
the solution are small. Under these conditions, the 
activity is equal to the concentration, and the activity 
coefficient is unity. 

Standard State. The activities ordinarily used in 
chemistry are relative activities. It is not possible to 
know the absolute value of the activity of a component; 
therefore, a standard must be established just as was 

done in Chapter 1 for the fundamental measurable 
properties. 

The standard state of a component in a solution is the 
state of the component. at unit activity. The relative 
activity in any solution is then the ratio of the activity 
in that state relative to the value in the standard state. 
When defined in these terms, activity is a dimensionless 
number. 

The pure liquid at 1 atm and at a definite temperature 
is chosen as the standard state of a solvent or of a liquid 
solute miscible' with the solvent, since, for the pure 
liquid, a = 1. Because the mole fraction of a pure 
solvent is also unity, mole fraction is equal to activity, 
and the reference state is identical with the standard 
state. 

The standard state of the solvent in a solid solution is 
the pure solid at1 atm and at a definite temperature. 
The assignment of a = 1 to pure liquids and pure solids 
will be found to be 'convenient in later discussions on 
equilibria and electromotive force. 

The standard state for a solute of limited solubility is 
more difficult to define. The activity of the solute in an 
infinitely dilute solution, although equal to the concen-
tration, is not unity, and the standard state is thus not 
the same as the reference state. The standard state of 
the solute is defined as a hypothetic solution of unit 
concentration (mole fraction, molal or molar) having, at 
the same time, the characteristics of an infinitely dilute 
or ideal solution. For complete understanding, this 
definition requires careful development, as carried out 
by Klotz and Rosenberg. 7 . . 

Ionic Strength. In dilute solutions of nonelectrolytes, 
activities and concentrations are considered to be 
practically identical, since electrostatic forces do not 
bring about deviations from ideal behavior in these 
solutions. Likewise, for weak electrolytes that are 
present alone in solution, the differences between the 
ionic concentration terms and activities are usually 
disregarded in ordinary calculations, since the number 
of ions present is small, and the electrostatic forces are 
negligible. 

However, for strong electrolytes and for solutions of 
weak electrolytes together with salts and other electro-
lytes, such as exist in buffer systems, it is important to 
use activities instead of concentrations. The activity 
coefficient, and hence the activity, may be obtained by 
using one of the forms of the Debye- Huckel equation 
(considered below) if one knows the ionic strength of • 
the solution. Lewis and Randa1l8 introduced the concept 
of ionic strength JL to relate interionic attractions and 
activity coefficients. The ionic strength is defined on the 
molar scale as 

JL =  + C2Z22 + CgZg2 + · · · + CjZj2) (6-55) 

or, in abbreviated notation 

(6-56) 
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in which the summation symbol  indicates that the 
1 · 

product of cr terms for all the ionic species in the 
solution, from the first one to the r species, are to be 
added together. The term c, is the concentration in 
moles per liter of any of the ions and z, is its valence. 
Ionic strength represents the contribution to the elec-
trostatic forces of the ions of all types. It depends on the 
total number of ionic charges and not on the specific 
properties of the salts present in the solution. It was 
found that bivalent ions are equivalent not to two but to 
four univalent ions; hence, by introducing the square of 
the valence, proper weight is given to the ions of higher 
charge. The sum is divided by two because positive 
ion-negative ion pairs contribute to the total electro-
static interaction, whereas we are interested in the 
effect of each ion separately. 

Example 6-11. What is the ionic strength of (a) 0.010 M KCI, (b) 
0.010 M BaS04, and (c) 0.010 M  and (d) what is the ionic 
strength of a solution containing all three electrolytes together with 
salicylic acid in 0.010 M concentration in aqueous solution? 

(a) KCI 
fJ. ==  X 12) + (0.01 X 12)] 

= 0.010 
(b) BaS04 

fJ. =  X 22) + (0.01 X 22)] 

= 0.040 

fJ. =  X 12) + (0.01 X 22)] 

= 0.030 
(d) The ionic strength of a 0.010-M solution of salicylic acid is 

0.003 as calculated from a knowledge of the ionization of the acid 
at this concentration (using the equation [HgO+] = v'K:c of 
pp. 145, 155). Unionized salicyclic acid does not contribute to the ionic 
strength. 

The ionic strength of the mixture of electrolytes is the sum of the 
ionicstrengths of the individual salts. Thus, 

J.Lrot.aI = IJ.KCl + IJ.BaS04 +  + J.LHSal 

= 0.010 + 0.040 + 0.030 + 0.003 
= 0.083 

Example 6-12. A buffer contains 0.3 mole of K2HP04 and 0.1 mole 
of KH2PO4 per liter of solution. Calculate the ionic strength of the 
solution. . 

The concentrations of the. ions of K2HP04 are [K+] = 0.3 x 2 
and [HP042- ] = 0.3. The values for KH2P04 are [K+] = 0.1 and 
[H2P04-]  0.1. Any contributions to IJ. by further dissociation of 
[HP042 - ] and [H2P04"l are neglected. 

IJ. =  x 2 x 12) + (0.3x 22) + (0.1 X 12) + (O.Ix 12)] 

JL = 1.0 

It will be observed in Example 6-11 that the ionic 
strength of a 1:1 electrolyte such as KCl is the same as' 
the molar concentration; JL of a 1:2 electrolyte such as 
N 4 is three times the concentration; and JL for a 2: 2 
electrolyte is four times the concentration. 

The mean ionic activity coefficients of electrolytes 
should be expressed at various ionic strengths instead 
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of concentrations. Lewis has shown the uniformity in 
activity coefficients when they are related to ionic 
strength: 

(a) The activity coefficient, of a strong electrolyte is 
roughly constant in all dilute solutions of the same ionic 

.strength, irrespective of the type of salts that are used 
to provide the additional ionic strength. 

(b) The activity coefficients of all strong electrolytes 
of a single class, for example, all uni-univalent 'electro-
lytes, are approximately the same at a, definite ionic 
strength, provided the solutions are dilute. 

The results in Table 6-1 illustrate the similarity of 
the mean ionic activity coefficients for 1: 1 electrolytes 
at low concentrations (below 0.1 m) and the differences 
that become marked at higher concentrations. 

Bu1l9 pointed out the importance of the principle of 
ionic strength in biochemistry. In the study of the 
influence of pH on biologic action, the effect of the 
variable salt concentration in the buffer may obscure 
the results unless the buffer is adjusted to a constant 
ionic strength in each experiment. If the biochemical 
action is affected by the specific salts used, however, 
even this precaution may fail to yield satisfactory 
results. Further use will be made of ionic strength in 
the chapters on ionic equilibria, solubility, and kinetics. 

The DebJe-Hiickel Theory. Debye and Hackel derived 
an equation based on the principles that strong electro-
lytes are completely ionized in dilute solution and that 
the deviations of electrolytic solutions from ideal behav-
ior are due to the electrostatic effects of the oppositely 
charged ions. The equation relates, the activitycoeffi-
cient of a particular ion or the mean 'ionic activity 
coefficient of an electrolyte to the valence of the ions, 
the ionic strength of the solution, and. the characteris-
tics of the solvent. The mathematical derivation of the 
equation is not attempted here but can be found in 
Lewis and Randall's Thermodynamics as revised by 
Pitzer and Brewer.10 The equation may be used to 
calculate the activity coefficients of drugs, the values of 
which have not been obtained experimentally and are 
not available in the literature. 

According to the theory of Debye and Hackel, the 
activity coefficient 'Vi of an ion of valence Zi is given by 
the expression 

log 'Vi = -  (6-57) 
Equation (6-57) yields a satisfactory measure of the 
activity coefficient of an ion species up to an ionic 
strength JL of about 0.02. For water at'25° C, A, a factor 
that depends only on the temperature and the dielectric 
constant of the medium, is approximately equal to 0.51. 
The values of A for various solvents of pharmaceutical 
importance are found in Table 6-2. 

The form of the Debye-Huckel equation for a binary 
electrolyte, consisting of ions with valences of Z+ and e., 
and present in a dilute solution (JL < 0.02), is 

(6-58) 
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TABLE 6-2. Values of A forSDlrents at 250 C; 
Dielectric 
Constant 

Solvent E A*calc 

Acetone 20.70 3.76 
Ethanol 24.30 2.96 
Water 78.54 0.509 

*A 1.824 x 1()6. hl h . h dl . 
(calc) = In W IC E IS t e lelectrlc constant and T is the 

(E x 1)312 
absolute temperature on the Kelvin scale. 

The symbols e., and s., stand for the valences or 
charges, ignoring algebraic signs, on the ions of the 
electrolyte whose mean ionic activity coefficient is 
sought. The coefficient in equation (6-58) is 'Yx, the 
rational activity coefficient (i.e., 'Yj: on the mole fraction 
scale), but in dilute solutions for which the Debye-
Hackel equation is applicable, ''Yx can be assumed 
without serious error to be equal also to the practical 
coefficients, 'Ym and "'Ie, on the molal and molar scales. 

EDmpl• • - 13. Calculate the mean ionic activity coefficient for 
0.005 M atropine sulfate (1:2 electrolyte) in an aqueous solution 
containing 0.01 M NaCI at 25° C. Since the drug is a uni-bivalent 
e'eetrolyte,  = 1 x 2 = 2. A for water at 25° C is '0.51. 
tJ. for atropine sulfate =  x 2 x 12) + (0.005 x 22)] = 0.015 
tJ. for NaCI =  x 12) + (0.01 x 12)] = 0.01 

Total .... = 0.025 
log 'Yj; = -0.51 x 2 x VO.025 
log lj; = -1.00 + 0.839 = -0.161 

lj; = 0.690 
With the present-day accessibility of the hand calculator, the 
intennediatestep in this calculation (needed only when lor tables are 
used) may ·be deleted. 

Thus one observes that the activity coefficient of a 
strong electrolyte in dilute solution depends on the total 
ionic strength of the solution, the valence of the ions of 
the drug involved, the nature of the solvent, and the 
temperature- of the solution. Notice that although  
ionic strength term results from the contribution of all 
ionicspecies in solution, the  tenns apply only to the 
drug, the activity coefficient of which is being deter-

 . 
Extenlion of the Debye-HOckel Equation to Hilher 

Concentrations. The limiting expressions, equations 
(6-57) and (6:-58), are not satisfactory above an ionic 
strength of about 0.02, and (6-58) is not completely 
satisfactory for use in Ezample 6-19. A formula that 
applies up to an ionic strength of perhaps 0.1 is 

log "'I± = - (6-59)
 

The term ai is the mean distance of approach of the 
ions and is called the mean effective ionic diameter or 
the ion size parameter. Its exact significance is not 
known; however, it is somewhat analogous to the b 

term in the van der Waals gas equation. The term B, 
like A, is a constant influenced only by the nature of 
the solvent and the temperature. The values of ai 
for several electrolytes at 25° C are given in Table 6-3, 
and the values of B and A for water at various 
temperatures are shown in Table 6-4.·The values of A 
for various solvents, aspreviously mentioned, are listed 
in Table 6-2. 

Since a, for most electrolytes equals 3 to 4 X 10-8 and 
B for water at 25° C equals 0.33 x lOS, the product of ai 
and B is approximately unity. Equation (6-59) then 
simplifies to I 

log -y± = - ---- (6-60) 
 

Eutnpl, .- 14. Calculate the activity coefficient of a 0.004M 
aqueous solution of sodium phenobarbital at 25° C, which has been 
brought to an ionic strength of 0.09 by the addition of sodium chloride. 
Use equations (6-58), (6-59), and (6-60) and compare the results. 
Equation (6-58): log l± = -O.51v0:09; l± = 0.70 
Equation (6-59): log l± = 

- 0.51vO:09 ; 'Y± = 0.75 
1 + [(2 x 10-8) x (0.33 x loB) x vO:09] 

. (6 ) I 0.51v0:09 076Equation -60: og l± = -. ; l± = · 
1 + vO:09 

These results may be compared with the experimental 
values for some uni-univalent electrolytes in Table 6-1 
at a molal concentration of about 0.1. 

For still higher concentrations, that is, at ionic 
strengths above 0.1, the observed activity coefficients 
for. Some electrolytes pass through minima and then 

TABLE 8-3. Mean Ellect/r. Ionic Di.m.ter forSom, 
Electrolyte••t 250 C 

ai 
Electrolyte (em) 

Hel 5.3 X 10- 8 

NaCI 4.4 X 10- 8 

KCI 4.1 X 10- 8 

MethapyrHene HCI 3.9 X 10- 8 

MgS04 3.4 X10- 8 

3.0 X 10- 8K2S04 
AgN03 2.3 x  
Sodium phenobarbital 2.0 X 10- 8 

TAlLE 6-4. V,'u., of A'nd I for W.ter ., V,rious.Tem,."""", 
Temperature 
(OC) A 8 

0 0.488 0.325 x 108 

15 0.500 0.328 x lOS 
25 0.509 0.330 x lOS 
40 0.524 0.333 x 108 

70 0.560 0.339 x 108 

100 0.606 0.348 x 108 
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increase with concentration; in some cases they become 
greater than unity, as seen in Figure 6-6. To account 
for the increase in 'Y ± at higher concentrations, an 
empirical term CI-L can be added to the Debye-Huckel 
equation, resulting in the expression 

 
log 'Y± = - + C I-L (6-61) 

1 +  
This equation gives satisfactory results in solutions of 
concentrations as high as 1 M. The mean ionic activity 
coefficient obtained from equation (6-61) is 'Yx; how-
ever, it is not significantly different from 'Ym and 'Yc 
even at this concentration. Zografi et al. 11 have used 
the extended Debye-Huckel equation (equation (6-
61» in a study of the interaction between the dye 
orange II and quarternary ainmonium salts, 

Investigations have resulted in equations that extend 
the concentration to about 5 moles/liter, 12 

COEFFICIENTS FOR EXPRESSING COLLIGATIVE  
PROPERTIES  

Although activities may be used to bring the colliga-
tive properties of strong electrolytes into line with 
experimental results, the equations are complicated 
and are not treated in this book. Activities are more 
valuable in connection with equilibria expressions and 
electrochemical calculations. The use of activities for 
calculating the colligative properties of weak electro-
lytes is particularly inconvenient, for it also requires a 
knowledge of the degree of dissociation. 

The L Value. The van't Hoff expression dTf = iKfm 
probably provides the best single equation for comput-
ing the colligative properties of nonelectrolytes, weak 
electrolytes, and strong electrolytes. It can bemodified 
slightly for convenience in dilute solutions by substitut-
ing molar concentration c and by writing iKf as L, so 
that . 

dTf = Lc (6-62) 

L has been computed from experimental data for a 
number of drugs by Goyan et al. 13 It varies with the 
concentration of the solution. At a concentrtion of drug 
that is isotonic with body fluids,' L = iKf is designated 
here as Liso• It has a value equal to about 1.9 (actually 
1.86)for nonelectrolytes, 2.0 for weak electrolytes, 3.4 
for uni-univalent electrolytes, and larger values for 
electrolytes of high valences. A plot of iKf against the 
concentration of some drugs is presented in Figure 
6-7, in which each curve is represented as a band to 
show the variability of the L values within each ionic 
class. The approximate Liso for each of the ionic classes 
may beobtained from the dashed line running vertically 
through the figure. The application of Lisa to the 
preparation of isotonic drug solutions is described in 
Chapter 8. 

Chapter 6 • Solutions ofElectrolytes 137 

6,-------------, 

5 

4 

3 

2 

liso = 1.9 

10 0.1 0.2 0.3 0.4 
Molality 

Fil. 6-7. Liso values of various ionicclasses. 

Osmotic Coefficiel1t. Other methods of correcting for 
the deviations of electrolytes from ideal colligative 
behavior have been suggested. One of these is based on 
the fact that as the solution becomes more dilute, i 
approaches v, the number of ions into which an 
electrolyte dissociates, and at infinite dilution, i = v, or 
ilv = 1. Proceeding in the direction of more concen-
trated solutions, ilv becomes less (and sometimes 
greater) than unity. 

The ratio ilv is designated as 9 and is known-as the 
practical osmotic coefficient when expressed on a molal 
basis.  the case of a weak electrolyte, it provides a 
measure of the degree -of dissociation. For strong 
electrolytes 9 is equal to unity for complete dissociation, 
and the depature of 9 from unity, that is, 1 - g, in 
moderately concentrated solutions is an indication of 
the interionic attraction. Osmotic coefficients, g, for 
electrolytes and noneleetrolytes are plotted ;against 
ionic concentration, vm, in Figure 6-8. Since 9 = l/v or 
i = gv in a dilute solution, the cryoscopic equation may 
be written 

d-Tf = gvKfm (6-63) 

The molal osmotic coefficients of some salts are listed in 
Table 6-5. 

fDl8pl, 6- '5. The osmoticcoefficient of LiBr at 0.2m is 0.944 and 
the Lisa value is 3.4. Compute AT, for this compound using9 and Lisa. 
Disregard the difference between molalityand molarity. 

ATf = gvKfm = 0.944 x 2 x 1.86 x 0.2 
= 0.700 

ATf = Liaoc = 3.4 x 0.2 =  

Osmolality. Although osmotic pressure (pp. 117-119) 
classically is given in atmospheres, in clinical practice it 
is expressed in terms of osmols (Osm) or milliosmols 
(mOsm). A solution containing 1 mole (1 gram molecular 
weight) of a nonionizable substance in 1 kg of water (a 
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1.6 r-------------------------------- -. 

1.4 

NaCI 

H2SO40) 

C GlycerinQ) 
'(3 

==(J.) 1.00 
0 
0 s 
E 
C/) 
0 

0.8 Urea 

0.6 

0.4 ..... .L_-__........ _&. a_.. ....... .-.. ..... 

o 2 4 6 8 10 12 14 16 18 

Ionic concentration, v x m 

Fil· 6-8. Osmotic coefficient, g, for some common solutes. (From G. Scatchard, W. Hamer and S. Wood, J. Am. Chern. Soc. 60, 3061, 1938. 
Reproduced with permission of the copyright owner.) . 

I-m solution) is referred to as a I-osmolal solution. It by osmometry or one of the other colligtive methods, 
contains 1 osmol (Osm) or 1000 milliosmols (rnOsm) of will depend on the extent of these interactions, An 
solute per kilogram of solvent. Osmolality measures the un-ionizedmaterial (i.e., a nonelectrolyte) is used as the 
total number of particles dissolved in a kilogram of reference 'solute for osmolality measurements, ionic 
water, that is, the osmols per kilogram of water, and interactions being insignificant for a nonelectrolyte. For 
depends on the electrolytic nature of the solute. An an electrolyte that dissociates into ions in a dilute 
ionic species' dissolved in water will dissociate to form solution, osmolality or milliosmolality can be calculated 
ions or "particles." These ions tend to associate some- from 
what, however, owing to their ionic interactions. The 
apparent number of "particles" in solution, as measured Milliosmolality (mOsmlkg) = i · mm (6-64) 

TABLE 6-5. Osmotic Coefficients, g, at 250 C* 

m NaCI KCI H2SO4 Sucrose Urea Glycerin 

0.1 0.9342 0.9264 0.6784 1.0073 0.9959 1.0014 
0.2 0.9255 0.91·31 0.6675 1.0151 0.9918 1.0028 
0.4 0.9217 0.9023 0.6723 1.0319 0.9841 1.0055 
0.6 0.9242 0.8987 0.6824 1.0497 0.9768 1.0081 
0.8 0.9295 0.8980 0.6980 1.0684 0.9698 1.0105 
1.0 0.9363 0.8985 0.7176 1.0878 0.9631 1.0128 
1.6 0.9589 0.9024 0.7888 1.1484 0.9496 1.0192 
2.0 0.9786 0.9081 0.8431 1.1884 0.9346 1.0230 
3.0 1.0421 0.9330 0.9922 1.2817 0.9087 1.0316 
4.0 1.1168 0.9635 1.1606 1.3691 0.8877, 1.0393 
5.0 1.2000 0.9900 1.4477 0.8700 1.0462 

*From G. Scatchard, W. G. Hamer and S: E. Wood, J. Am. Chern. Soc. 60, 3061, 1938. Reproduced with permission of the copyright owner. 
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Chapter 6 • Solutions of Electrolytes 139 

in which i (see p.' 129) is approximately the number of 
ions formed per molecule and mm is the millimolal 
concentration. If no ionic interactions occurred in a 
solution of sodium chloride, i would equal 2.0. In a 
typical case, for a 1: 1 electrolyte in dilute solution, i is 
approximately 1.86 rather than 2.0, owing to ionic. 
interaction between the positively and negatively 
charged ions. 

Example 6- 16. What is the milliosmolality of a 0.120-m solution of 
potassium bromide? What is its osmotic pressure in atmospheres? 

For a 120 millimolal solution of KBr: 
Milliosmolality = 1.86 x 120 = 223 mOsm/kg 

A l-osmolal solution raises the boiling point 0.52° C, lowers the 
freezing point 1.86° C, and produces an osmotic pressure of 24.4 atm 
at 25° C. Therefore, a 0.223 Osm/kg solution yields an osmotic 
pressure of 24.4 x 0.223 = 5.44 atm. 

Refer to the reports by Streng et a1. 14 and Murty et 
al.15 for discussions on the use of osmolality and 
osmolarity in clinical pharmacy. Molarity (moles of -
solute per liter of solution) is used in clinical practice 
more frequently than molality (moles of solute per 
kilogram of solvent). Also, osmolarity is used more 
frequently than osmolality in labeling parenteral solu-
tions in the hospital. Yet osmolarity cannot be mea-
sured and must be calculated from the experimentally 
determined osmolality of a solution. As shown by Murty 
et al., 15 the conversion is made using the relation: 

Osmolarity = (measured osmolality) 

x (solution density in g/mL 

- anhydrous solute concentration in g/mL) 
(6-65) 

According to Streng et al., 14 osmolality is converted to 
osmolarity using the equation 

mOsmlliter solution = mOsm/(kg H20) 

x [d10(1 - 0.001 112°)] (6-66) 

where dl ° is the density of the solvent and 112° is the 
partial molal volume of the solute at infinite dilution. 

Example 6- 17. A 30-g/L solution of sodium bicarbonate contains 
0.030 g/mL of anhydrous sodium bicarbonate. The density of this 
solution was found to be 1.0192 g/mL at 20° C, and its measured 
milliosmolality was 614.9 mOsm/kg.. Convert milliosmolality to mil-
liosmolarity. 
Milliosmolarity = 614.9 mOsmlkg H20 

x (1.0192 g/mL - 0.030 g/mL) 
= 608.3 mOsm/L solution 

Example 6- 18. A O.I54-molal sodium chloride solution has a 
milliosmolality of 286.4 mOsmlkg (see Example (6-19». Calculate 
the milliosmolarity, mOsm/L solution, using equation (6-66). The 
density of the solvent-water-at 25° C is d l o = 0.9971 g/cm", and 
the partial molal volume of the solute-sodium chloride- is V2° = 
16.63mL/mole. 
MjUiosmolality = (286.4 mOsmlkg H20) 

x [0.9971(1 - 0.001(16.63»] 
= 280.8 mOsm/L solution 

As noted here, osmolarity differs from osmolality by 
only 1 or 2%. However, in more concentrated solutions 
of polyvalent electrolytes together with buffers, preser-
vatives, and other ions, the difference may become 
significant. For accuracy in the preparation and labeling 
of parenteral solutions, osmolality should be measured 
carefully with a vapor pressure or freezing point 
osmometer (rather than calculated) and the results 
converted to osmolarity using equation (6-65) or 
(6-66). VIC, Inc., of Joliet, Ill. manufactures a cryo-
scopic osmometer for automatic osmolality determina-
tions. I 

Whole blood, plasma, and serum are complex liquids 
consisting of proteins, glucose, nonprotein nitrogenous 
materials, sodium, potassium, calcium, magnesium, 
chloride, and bicarbonate ions. The serum electrolytes, 
constituting less than 1% of the blood's weight, deter-
mine the osmolality of the blood. Sodium chloride 
contributes a milliosmolality of 275, while glucose and 
the other constituents together provide about 10 
mOsm/kg to the blood. 

Colligative properties' such as freezing point depres-
sion are related to osmolality through equations (6-27) 
and (6-63). 

aTf == Kfim (6-67) 
in which i = gv and im = gvm is osmolality, 

Example 6- 19. Calculate the freezing point depression of (a) a 
Q.I54-m solution of NaCI and (b) a O.I54-m solution of glucose. What 
are the milliosmolalities of these two solutions? 

(a) From Table 6-5, g for NaCI at 250 C is about 0.93, and since 
NaCI ionizes into two ions, i = v·g = 2 x 0.93 = 1.86. From equation 
(6-64), the osmolality of a O.I54-m solution is i·m = 1.86 x 0.154 = 
0.2864. The milliosmolality of this solution is therefore 286.4 mOsm/ 
kg. Using equation (6-67), with Kf also equal to 1.86, we obtain for 
the freezing point depression of a 0.154-m solution-or its equiva-
lent, a 0.2864-0smlkg solution-of NaCI 

aTf = (1.86)(1.86)(0.154) 
= (1.86)(0.2864) = 0.53° C 

(b) Glucose is a nonelectrolyte, producing only one particle for each 
of its molecules in solution, and for a nonelectrolyte, i = v == 1 and 
g = ilv 0= 1. Therefore, the freezing point depression of a O.I54-m 
solution of glucose is approximately 

aTf = Kfim = (1.86)(1.00)(0.154) 
= 0.286° C 

which is nearly one half of the freezing point depression provided by 
sodium chloride, a 1:1 electrolyte that provides two particles rather 
than one particle in solution. 

The osmolality of a nonelectrolyte such as glucose is identical to its 
molal concentration since osmolality = i x molality, and i for a 
nonelectrolyte is 1.00. The milliosniolality of a solution is 1000times 
its osmolality or, in this case, 154 mOsmlkg. 

Ohwaki et a1. 16 studied the effect of osmolality on the 
nasal absorption of secretin, a hormone used in the 
treatment of duodenal ulcers. They found that maxi-
mum absorption through the nasal mucosa occurred at 
a sodium chloride milliosmolarity of about 860 mOsm/L 
(0.462 M), possibly owing to structural changes in the 
epithelial cells of the nasal mucosa at this high mOsm/L 
value. 
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Although the osmolality of blood and other body 
fluids is contributed mainly by the content of sodium 
chloride, the osmolality and milliosmolality of these 
complex solutions by convention are calculated based on 
i or nonelectrolytes, that is, i is taken as unity, and 
osmolality becomes equal to molality. This principle is 
best described by an example. 

EDmpl.6-2O. Freezing points were detennined using the blood of 
20 nonnaI subjects and were averaged to  C. This value of 
course is equivalent to a freezing point depression of  C 
below the freezing point of water because the freezing point of water 
is taken as 0.0000 C at atmospheric pressure. What is the average 
milliosmolality, x, of the blood of these subjects? 

Using equation (6-67) with the arbitrary choice of i = 1 for body 
fluids, we obtain 

0.5712 = (1.86)(1.00) x 
x = 0.3071 Osmlkg 

= 307.1 mOsmlkg 

It is noted in Example 20 that although the osmola-
lity of blood and its freezing point depression are 
contributed mainly by NaCI, an i value of 1 was used for 
blood rather than f/1) = 1.86 for an NaCI solution. 

The milliosmolality for blood obtained by various 
workers using osmometry, vapor pressure, and freez-
ing point depression apparatus (Chapter 5) ranges from ' 
about 250 to 350 mOsmlkg. 17 The normal osmolality of 
body fluids is given in medical handbooks'" as 275 to 295 
mOsmlkg, but normal values are likely to fall in an even 
narrower range of'286 ± 4 mOsmlkg.19 Freezing point 
and vapor pressure osmometers are now used routinely 
in the hospital. A difference of 50 mOsmlkg or more 
from the accepted values of a body fluid suggests an 
abnormality such as liver failure, hemorrhagic shock, 
uremia, or other toxic manifestations. Body water and 
electrolyte balance are also monitored by measurement 
of milliosmolality. Colligative property measurements 
and apparatus are describe in Chapter 5. 
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Problems 
6-1. The equivalent conductance Ao of the sodium salt of a 

sulfonamide at infinite dilution was found by experiment. to be 100.3 
mho cm2/Eq. The s; for HCI is 426.16; for NaCI, 126.45. What is Ao 
for the free acid (the tree sulfonamide)? 

Answer: 400 mho cm2/Eq 

6-2. The equivalent conductance at infinite dilution for the 
following strong electrolytes are given: Ao(HCl) = 426.16, 
Ao(NaAc) =91.0, and Ao(NaC!) = 126.45mho cm2/Eq. Compute the 
equivalent conductance at infinite dilution for acetic acid. 

Answer: 390.7 mho cm2/Eq 

6-3•. The equivalent conductances Ac (mho cm2/Eq) of NaCI at 
several molar concentrations; c, are 

Data for Problem 6-3 

c 0.09 0.04 ·0.01· 

113.34 117.70 122.08 

(a) Plot Ac against  as in Figure 6-4. Compute Ao and the 
equation of the line (use least squares). 

(b) The transference number, te' of Na + at infinite dilution is 0.396. 
Compute the ionic equivalent conductanee of Na +, CI-, and the 
transference number of CI- at infinite dilution. 

Answers: (a) The equation of the line is Ae = 126.46 -
 r = 0.9999. The intercept Ao = 126.46ohm" cm 2/Eq. 

(b) From the definition of transference number and the Kohlrausch 
law, equation 6-23, we canuse the transference numbers to calculate 
the ionic equivalent conductances teO and taO in which taO =Ao ta-0; teO 
= Ao te+0; and Ao = taO+ teO; ta-° = 0.604. 

In the literature we find taO= 76.34, t/ = 50.07 mho cm2/Eq. 
6-4. Chloral hydrate is one of the oldest hypnotic drugs. It was 

synthesized in 1832 and is still of some importance in general 
anesthesia and in some types of neurosis. The conductance Ae of a 
I-molar solution of NaCI in water at 26°C decreases  the addition 
of increasing amounts of chloral hydrate. The measured conductances 
A of the I-M aqueous solution of NaCI in the presence of various e 
amounts of chloral hydrate are 

Data for Problem 6-4 

Chloral hydrate, C 
(molar cone., M) 

0.2 0.4 0.6 0.8 

Ae (mho cm2/Eq) 78.92 74.30 69.68 65.06 
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Barczaand Lenner20 found a direct relationship between Ac and the 
chloral hydrate concentration, c. 

(a) Plot c on he x-axis against Ac and extrapolate to zero 
concentration ofchloralhydrate to get Ac for the I-Maqueoussolution 
of NaC!. 

(b) Compute Ac for the I-M aqueous solution of NaCI using the 
equation obtained in Problem 6-3. Do your results correlate with 
those obtained in Problem 6-3? 

(c) Whydoes the conductivityof the I-M aqueous solutionof NaCI 
decreaseas chloral hydrate is added? 

Answers: (a) Extrapolating by eye, using a ruler, one obtains A = c 
83 mho cm2/Eq. By least-squares regression we obtain the linear 
equation, Ac = 83.54 - 23.1c; r = 1.000. The intercept, 83.54 mho 
cm2/Eq, is the value of Ac for I-M NaCI in the absence of chloral 
hydrate. 

(b) From the  obtained in Problem 6-3, Ac(1 M) = 
126.45 - 43.70Vl.0 = 82.75mho cm2/Eq. That value compares well 
with the intercept value found above in (a). 

(c) Hint: Consider the size and therefore the velocity of the large 
anionic complex relative to the small CI- ion, 

OH . /CCla-CH . · CI-
"OH ... 

6-5. A 1.0m solutionof sucrose had an observed osmoticpressure 
of24.8atm at 0°C. Calculate the van't Hoff'!factor for sucrose at this 
concentration. 

Answer: i = 1.11 (a dimensionlessnumber). 
6-6.* Calcium chloride may be used to melt the ice from side-

walks. Howmany pounds (avoirdupois) of CaCl2 are required to melt 
a layerofice0.5 inch thick on a sidewalk50ft longand 4 ft wide if the 
temperature of ice is UY' F? The molecularweight of  is 110.99 
g/mole. The density of the ice at 100 F is 0.9923 g/mL, and the degree 
ofionization a of CaCl2 is 0.8. 

Answer: 145 lb (66 kg). Some ice will sublime and pass directly 
from the solid into the vapor state. This and other factors such  
heating by the sun will render the answer given here a rough 
approximation. However, the calculation will give the city winter 
emergency crews an estimate of the amount of  needed for 
clearing sidewalksand streets. (Note: Somecities are no longer using 
"salt"on streets and sidewalks because of its pollutionproblems.) 

6-7. Some cooksadd salt to a kettle of water in which they are 
boiling peeledcom or unpeeled potatoes. In additionto improving the 
flavor, this practice is reputed to cookand soften the food better. (a) 
Is there any scientific justification for this? Explain. (b) What is the 
concentration of NaCI in grams of salt per kg of water needed to 
obtaina significant rise in the boilingpoint, say 5Q C? (c) Wouldthis 
concentration of NaCI render the food too salty to the taste? 

Partial Answer: (b) Concentration of NaCIsolution = 4.9 molalor 
286 g saltJkgwater. (c) Check with a goodcookabout the saltiness of 
the food in this concentration of salt solution. 

6-8. The data for an isotonicsolutionofaureomycinhydrochloride 
is found inTable8-4, page 183. The freezing point depression 4T,for 
a 1% solution (1 g/dL) is listed as 0.06°. (a) What is the van't Hoff 
factor i and the degree of dissociation a for this antibiotic in the 1% 
w/vsolution? At this low concentration, one may assume molarity is 
approximately equal to molality. (b) Repeat the ealeulation for 
atropine sulfate and physostigmine salicylate,"and find the i and a 
valuesfor these additional two solutions. 

Answers: (a) i =1.753; a = 0.753.Aureomycinis dissociatedto the 
extent of 75.3%. (b) For the salt,  804, i = 2.614; a .= 

*Problems 6-6 and 6-12 are modified from J. W. Moncriefand 
W. H. Jones, Elements of Physical CkemiBtrg, Addison-Wesley, 
Reading, Mass., 1977, pp. 146and 124, respectively. 
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0.807. For physostigmine salicylate, i = 1.999;a ::: 0.999. Atropine 
sulfate is 81% dissociated and physostigmine salicylate is 99.9% 
dissociated. 

6-9. Using the data and the value of Ao given in Problem 6-3, 
compute the degree of ionizationa of a O.09-m solutionof NaCI, the 
i value, and the freezing point depression. 

Answer: You will need equation (6-27), page 129, and equations 
(6-32) and (6-34), page 131. a = 0.896; i = 1.896; 4T, = 0.32deg 

6-10. The equivalent conductance of a sulfonamide at 0.01 M 
concentration was found by experiment to be 1.104. The equivalent 
conductance of the drug at infinite dilution is 400.0. What is the 

'degree of dissociationof the weak electrolyte at this concentration? 
Answer: 0.00276or 0.28% 
6-11. (a) The  pressure of water over an aqueous solutionof 

a drug is 721mm Hg at 1000 C. What is the activity of water in this 
solution?' (b) Methanol has a boiling point of 64.T' C. The vapor 
pressure of methanol in a methanolicsolution of a sulfonamide is 703 
mm Hg. What is the activity of methanol in this solutionat 64.T" C? 
(c) Chlorinehasa vapor pressure of 10.0atm at 35.fr C. In a mixture 
of chlorineand carbon tetrachloride the vapor pressure of chlorineis 
9.30 atm at 35.60 C. What is the activity of chlorine in the mixture? 

(d) Fonnic acid hasa vapor pressure of 40.0 mmHg at 24°C. In a 
mixture of fonnic acid and acetic acid, fonnic acid has a vapor 
pressure of32.2mm at 24°C. What is the actiYity of lonnie acidin the 
mixture? 

Answer: (a) a = 0.949; (b) a =0.925; (c) a ="0.930; (d) a = 0.805. 
6-12.* The vapor pressure Pl o of water at 25°C is 23.8 torr. (a) 

Compute the lowering of the vapor pressure of water when 25 g of 
 is added to 100 g of water. The molecular weight of CaClt is 

110.99 g/mole. (b) Compute the activity and the activity coefficient of 
water in the solution. 

Answers: (a) The vapor pressure is loweredfrom23.8torr to 20.91 
torr or apt = 2.89 torr. (b) al = 0.879; 11 = 0.915(you will need to 
calculate XI the mole fraction of water, to obtain this activity 
coefficient, 0.915, for water). 

6-13. If 15 g of a strong electrolyte, NaOH, molecular weight 
40.01 g/mole, is added to 100g of water at 25°C, the·vapor pressure 
of pure water, viz. 23.8 mm Hg, is lowered. (a) Calculate the'vapor 
pressure of the solution. (b) The activity coefficient 11 of the water in 
the solution is given using the equation 11 = PI/XJPlo. This we are 
assured of because 1lXI = al = PI/Plo, which. we know to be the 
equation to obtain activities for gases and vapors. Calculate the 
activity coefficient and the activity of water in this solution. 

Answers: (a) 20.59 torr; (b) 11 = 0.934; al = 0.865 
6-14. The vapor pressure of pure water (23.8 torr) at 25° C is 

lowered when 100g of the nonelectrolyte, glucose, is added to 1000 g 
.of the water. The molecularweight of glucoseis 180.16  What 
is the activity and the activity coefficient ofwater at this temperature 
and concentration of glucose? 

Answer: al =0.990;11'= 1.000.Thus in a l00·glkg H20 solutionof 
glucose (fairly concentrated, 0.56  both the activity and the 
activity coefficient of water may be taken as approximately'equal to 
1.0. This is not so for a solutionof an electrolyte, as seen in Problems 
6-12 and 6-13. 

6-15. Compute the mean ionic activity coefficient of a O.OI-M 
aqueous solutionof diphenylhydantoin-sodium containing0.01M KCl 
at 25°C. Use the limiting Debye-Hnekel equation. 

Answer: 1± = 0.85 
6-16. Using the extended Debye-HQckel equation, compute 'the 

mean ionic activity coefficient of a O.05-M solution of epinephrine 
hydrochloridecontaining a 0.05 M potassium chloride. 

Answer: 1± =0.75 
6-17. (a) What amount of  (in moleslliter)shouldbe added to 

a O.02-M solution of neomycinsulfate to produce an ionicstrength°of 
0.09? 

(b) Calculate the mean ionic activity and the mean ionic' activity 
coefficient for the O.02-M solution of neomycin sulfate at an ionic 
strength of 0.09 and 25° C. Use both equations (6-58) and (6-60) 
(pp. 135, 136)andcompare the results. 
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Answers: (a) 0.01 M CaCI2• (b) From equation (6-58), 'Y± = 0.494 
and a± = 0.0157. From equation (6-60), 'Y± = 0.582 and a± = 0.0185. 
The results from the two equations are different. The ionic strength 
of the solution is 0.02 M, so equation (6-60) is required. . 

6-18. King and associates" investigated the properties of a new 
anticancer agent, brequinar sodium. The solubility in water at room 
temperature  C) was found to be 0.274 M. The compound is a 1: 1 
electrolyte. 

(a) Compute the mean ionic activity and the mean ionic activity 
coefficient in the saturated solution (0.274 M) at 230 C. 

(b) Af\.er adding a O.OI-M solution of NaCI the solubility decreased 
because of the common ion effect, Na+ being the common ion (see p. 
231). The new solubility value was 0.245 M. Compute new values for 
the mean ionic activity and the mean ionic activity coefficient. Choose 
the proper equation to obtain the most .accurate value for 'Y ±. 

Answers: (a) The ionic strength is 0.274; 'Y± = 0.668 (equation 
6-60) and a± = 0.183. (b) The ionic strength is 0.245 for the drug and 
0.01 for NaCI; 'Y± = 0.674 and o.; = 0.165. 

6-19. A solution contains 0.003 M of sodium phenobarbital to-
gether with a buffer consisting of 0.20 M sodium acetate and 0.30 M 
acetic acid. Acetic acid is a weak electrolyte; its degree, or fraction, 
of dissociation a at this concentration is 0.008 and the undissociated 
species do not contribute to the ionic strength. What is the ionic 
strength of the solution? 

Answer: fJ. = 0.205 
6-20. A solution contains 0.05 M AlCls and  M Na..ffP\) •. What 

is the ionic strength of this solution? 
Answer: 0.90 
6-21. Ringer's solution USP has been designed to have approxi-

mately the same ionic strength as that of normal, blood. Calculate the 
ionic strength of blood from the concentration of the constituents of 
Ringer's solution. 

Answer: fJ. = 0.16 
6-22. The freezing point depression of a solution contammg 4 g of 

methapyrilene hydrochloride in 100 mL of solution was 0.4230 
• 

Methapyrilene hydrochloride dissociates into two ions and has a 
molecular weight of 297.85. Calculate (a) the van't Hoff factor i, (b) 
the osmotic coefficient g, and (c) the L value for the drug at this 
concentration. 

Answer: (a) i = 1.69; (b) 9 = 0.85; (c) L = 3.16 
6-23. The equivalent conductance of acetic acid is 48;15 mho 

cm2/Eq at a concentration of 1 x 10- 3 mole/liter, The value at infinite 
dilution as calculated in Problem 6-2 is 390.7. Comoute «, i, and L at 
this concentration. 

Answer: a = 0.12; i = 1.  L = 2.1 
6-24. The Liso value of an aqueous solution of ascorbic is 1.90 and 

its osmotic pressure at 370 is 1f =  mm Hg. Compute i,  and 
the degree of dissociation a. 

Answer: i = 1.02;  = 0.110 
; a = 0.02 or 2% dissociated 

6-25. Calculate the freezing point depression and the milliosmola-
lity of 0.25-M solutions of sodium iodide, sodium bicarbonate, and 
calcium chloride, and of 340 millimolal solutions of griseofulvin and 
pentobarbital. What is the osmotic  in atmospheres of the 
sodium bicarbonate solution; of the pentobarbital solution at 250 C? 

(Hint: Sodium bicarbonate, like sodium iodide, provides two particles 
in solution. Pentobarbital and grisseofulvin can be assumed to be 
nonelectrolytes, and the i value for their solutions is taken as unity. 
For CaCI2, i = 2.6.) 

Partial Answer: Milliosmolality of sodium iodide is 465 mOsm/kg 
and its freezing point depression is 0.860 C. The osmotic pressure of 
the pentobarbital solution is 8.3 atm. 

6-26. A 0.120-molal solution of potassium bromide has a millios-
molality of 1.86 x 120 millimolal = 223mOsm/kg (see Example 6-16, 
p. 139). The density of water at 250 C is 0.997 g/cm", and the partial 
molar volume of KBr is V2° = 33.97 ems/mole. Calculate the 
milliosmolarity, mOsm/(1iter solution), of this KBr solution using 
equation (6-66). 

Answer: 214.8 mOsm/(liter solution). 
6-27. Partial pressures (in mm Hg), PI' of acetone at various mole 

fractions, X l' are given in the following table for a mixture of acetone 
and chloroform. 

Data for Problem 6-27 

Xl 1.000 0.950 0.925 0.878 0.710 0.575 

Pl(mm) 344.5 327..5* 317.0* 299.7 230.7 173.7 

*These points have been added to the data. 
Source: Data from J. von Zawid.zki as reported by I. M. Klotz and R. M. 

Rosenberg, Chemical Thermodynamics, W. A. Benjamin, Menlo Park, Cal., 
1972, pp. 355, 356. Some points are omitted and two points have been added 
near Xl = 1.000. 

(a) Compute the activity and activity coefficient for acetone at 
various Xl values in these solutions. 

(b) Plot both the experimental PI values and the Raoult law 
pressures versus X I. Discuss the deviations from Raoult's law and its 
lmplications regarding possible intermolecular interaction between 
chloroform and acetone. 

Partial Answer:  (a) x, 1.0 0.878 0.575  
a l 1.0 0.870 0.504  
11 1.0 0.991 0.877 

This tabular answer states that when X, = 1.0, al = 1.0 and 'Yl = 1.0, 
and so on 

6-28. The mole fraction concentrations and vapor pressures in mm 
Hg (torr) for a new general anesthetic, theasotrate, in ethanol at 
450 C are given in the table below. Calculate the activities and activity 
coefficients for the new drug. 

Data for Problem 6-28 

XI 1.000 0.942 I 0.740 0.497 

Pl(mm) 402 377 
, 
i 277 174 

Partial Answer: For Xl = 0.942, at = 0.938,11 = 0.996 
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8  
Buffered and Isotonic Solutions  

The Buffer Equation Buffered Isotonic Solutions 
Buffer Capacity Methods of Adjusting Tonicity and pH 
Buffers in Pharmaceutical and Biologic 

Systems . . 

Buffers are compounds or mixtures of compounds 
that, by their presence in solution, resist changes in pH 
upon .the addition of small quantities of acid or alkali. 
The resistance to a change in pH is known as buffer 
action. According to Roos and Borm.!Koppel and Spiro 
published the first paper on buffer action in 1914 and 
suggested a number of applications, which were later 
elaborated by Van Slyke. 2 

If, to water or a solution of sodium chloride, a small 
amount of a strong acid OJ: base, is added, the pH is 
altered considerably; such systems have no buffer 
action. 

A combination of a weak acid and its conjugate base 
(i.e., its salt), or a weak base and its conjugate acid act 
as buffers. If 1 mL of a O.l-N HClsolution is added to 
100 mL of pure water, the pH is reduced from 7 to 3. If 
the strong acid is added to a O.Ol-M solution containing 
equal quantities of acetic acid and sodium acetate, the 
pHis changed only 0.09pH units, because the base s«: 
ties up the hydrogen ions according to the reaction 

Ac- + HaO+  HAc + H20 (8-1) 

If a strong base, sodium hydroxide, is added to the 
buffer mixture, acetic acid neutralizes the hydroxyl ions 
as follows: 

THE BUFFER EQUATION 
Common Ion Effect and the Buffer Equation tor a Weak 

Acid and Its san. The pH of a buffer solution and the 
change in pH upon the addition of an acid- or base may 
be calculated by use of 'the buffer equadon. This 
expression is developed by considering the effect of a 

salt on the ionization of a weak acid when the salt and 
the acid have an ion in common. 

For example, when sodium acetate is added to acetic 
acid, the dissociation constant for the weak acid, 

K = [HaO+][Ae-] = 1 75 X 10-6 (8-3) 
a [HAc] · 

is momentarily disturbed since the acetate ion supplied 
by the salt increases the [Ac-] term in the numerator. 
To reestablish the constant Ka, at 1.75 x.  the 
hydrogen ion term in the numerator [HaO+] is instan-
taneously decreased, with a corresponding increase in 
[HAc]. Therefore, the constant Ka remains unaltered, 
and the equilibrium is shifted in the direction of, the 
reactants. Consequently, the ionization of acetic acid, 

HAc + H20  HaO+ + Ac- (8-4) 
is represeed upon the addition of the   [Ac-]. 
Thisis an example of the commonion effect. The pH of 
the ftnal solution is obtained by rearranging the equi-
librium expression for acetic acid: 

[H 0+] = K [HAc] 
3 a [Ac-] (8-5) 

If the acid is weak and ionizes only slightly, the 
expression [HAc] may be considered to represent the 
total concentration of acid, and it is written simply as 
[acid]. In the slightly ionized acidic solution, the acetate 
concentration [Ac-] may be considered as having come 
entirely from the salt, sodium acetate. Since 1 mole of 
sodium acetate yields 1 mole of acetate ion, [Ac-] is 
equal to the total salt concentration and is replaced by 
the term [salt]. Hence, equation (8-5) is written, 

[HsO+] = 14. [acid] (8-6)
[salt] 
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Equation (8-6) may be expressed in logarithmic form, 
with the signs reversed, as 

-log [HgO+] = -log Ka - log [acid] + log [salt] (8-7) 
from which is obtained an expression, known as the 
buffer equation or the Henderson-Hasselbalch equa-
tion, for a weak acid and its salt: 

[salt]
pH =: pKa + log [acid] (8-8) 

The ratio [acid]l[salt] in equation (8-6) has been 
inverted by undergoing the logarithmic operations in 
(8-7) .and it appears in (8-8) as Isaltj/laddl, pKa , the 
negative logarithm of Ka , is called the dissociation 
·.expone'lJ,t;(p. 152). 

The buffer equation is important in the preparation of 
buffered pharmaceutical solutions; it is satisfactory for 
calculations within the pH range of 4 to 10. 

Example 8- t. What is the pH ofO.l-M acetic acid solution, pKa = 
4.76? What is the pH after enough sodium acetate has been added to 
make the solution 0.1 M with respect to this salt? 

The pH of the acetic acid solution is calculated by use of the 
logarithmic form of equation (7-99) on p. 155. 

pH = ipKa - i log c 

pH = 2.38 + 0.50 = 2.88 
The pH of the buffer solution containing acetic acid and sodium 

acetate is determined by use of the buffer equation (8-8): 
0.1 

PH = 4.76 + log 0.1 = 4.76 

It is seen from Example 8-1 that the pH of the acetic 
acid solution has been increased almost 2 pH units; that 
is, the acidity has been reduced to about one hundredth 
of its original value by the addition of an equal 
concentration of a salt with a common ion. This example 
bears out the statement regarding the repression of 
ionization upon the addition of a common ion. 

Sometimes it is desired to know the ratio of salt to 
acid in order to prepare a buffer of a definite pH. 

 Example 8-2 demonstrates the calculation involved in 
such a problem. 

Exampl, B-2. What is the molar ratio, [salt]l[acid], .required to 
prepare an acetate buffer of pH 5.0? Also express.the result in mole 
percent. 

[salt]
5.0 = 4.76 + log [acid] 

[salt] . 
log [acid] = 5.0 - 4.76 =0.24 

[salt] . 
[acid] =  0.24 = 1.74 

Therefore, the moleratio ofsalt to acidis 1.74/1. Mole percent is mole 
fraction multiplied by 100. The mole fraction of salt in the salt-acid 
mixtureis 1.74/(1 + 1.74) =0.685, and in mole percent, the result is 
63.5%. 

The Buffer Equation fora Weak Base and ItsSalt. Buffer 
solutions are not ordinarily prepared from weak bases 
and their salts because of the volatility and instability of 
the bases and because of the dependence of their pa on 

pKw, which is often affected by temperature changes. 
Pharmaceutical solutions-for example, a solution of 
ephedrine base and ephedrine hydrochloride-how-
ever, often contain combinations of weak bases and 
their salts. 

The buffer equation for solutions of weak bases and 
the corresponding salts may be derived in a manner 
analogous to that for the ·weak acid buffers. Accord-
ingly, 

[OU-] = K [base] (8-9)
 b [salt] 

and using the relationship, [OH-] = K w/[H30+], the 
buffer equation becomes 

[base]
pH = pKll• - pKb + log [salt] (8-10) 

Example 8-3. What is the pH of a solution containing 0.10 moleof 
ephedrine and 0.01 mole of ephedrine hydrochloride per liter of 
solution? The pKb of ephedrine is 4.64. 

0.10 
pH = 14.00 - 4.64 + log 0.01 

pH = 9.36 + log 10 = 10.36 

Activity Coefficients and the Buffer Equation. A more 
exact treatment of buffers begins with the replacement 
of concentrations by activities in the equilibrium of a 
weak acid: 

_ aH ("YH ("YAc-CAc-)30-aAc- 30-CHaO-) 'X 
Ka - (8-11) 

aHAc "YHAcCHAc 

The activity of each species is written as the activity 
coefficient multiplied by the molar concentration. The 
activity coefficient of the undissociated acid 'YHAc is 
essentially 1 and may be dropped. Solving for the 
hydrogen ion activity and. pH, defined as -log aHsO+' 
yields the equations 

(8-12) 
. [salt]

pH = pKa + log  + log "YAc- (8-13)
• aCI 

From the Debye-Huckel expression (equation (6-59), 
p. 136) for an aqueous solution of a univalent ion at 250 

C having an ionic strength not greater than about 0.1or 
0.2, we write 

 
log "YAc- =  r 

1 + v u 
and equation (8-13) then becomes 

[salt]  
pH = pKa + log -[idl -  r: (8-14)

aCI  

The general equation for buffers of polybasic acids is 

H = K + 10 [salt] _ A(2n -  (8-15) 
p P n g [acid] 1 +  
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in which n is the stage of the ionization. (See Problem 
8-3, p. 187). 

Example 8-4. A buffer contains 0.05 mole per liter of formic acid 
and 0.10 mole per liter of sodium formate, The pK of formic acid is a 
3.75. The ionic strength of the solution is 0.10. Compute the pH (a) 
with and (b) without consideration of the activity coefficient correc-
tion. 

(a) 

0.10 O.5y1(UOPH =.3 75 + Iog-----
0.05 1 + yI(UO 

= 3.93 
(b) 

0.10 
PH = 3.75 + log 0.05 = 4.05 

Some Factors Influencing the pH ofBuffer Solutions. The 
addition of neutral salts to buffers changes the pH of 
the solution by altering the ionic strength, as shown in 
equation (8-13). Changes in ionic strength and hence in 
the pH of a buffer solution may also be brought about 
by dilution. The addition of water in moderate amounts, 
while not changing the pH, may cause a small positive 
or negative deviation because it alters activity coeffi-
cients and because water itself can act asa weak acid or 
base. Bates3a has expressed this quantitatively in 
terms of a dilution value, which is the change in pH on 
diluting the buffer solution to one half its original 
strength. Some dilution values for National Bureau of 
Standards buffers are found in Table 9-2, p. 199. A 
positive dilution value signifies that the pH rises with 
dilution, and a negative value signifies that the pH 
decreases with dilution of the buffer. 

Temperature also influences buffers. Kolthoff and 
Tekelenburg'' determined the temperature coefficient of 
pH, that is, the change in pH with temperature, for a 
large number of buffers. The pH of acetate buffers was 
found to increase with temperature, whereas the pH of 
boric acid-sodium borate buffers decreased with tem-
perature. Although the temperature coefficient of acid 
buffers was relatively small, the pH of most basic 
buffers was found to change more markedly with 
temperature, owing to Kw, which appears in the 
equation of basic buffers and which changes signifi-
cantly with temperature. Bates"refers to several basic 
buffers that show only a small change of pH with 
temperature and can be used in the pH range of 7 to 9. 
The temperature coefficients for the calomel electrode 
are given in Bates,3b Table 10-10. 

Drugs as Butlers. It is important to recognize that 
solutions of drugs that are weak electrolytes also 

t manifest buffer action. Salicylic acid solution in a soft 
glass bottle is influenced by the alkalinity of the glass. 
It might be thought at first that the reaction would 
result in an appreciable increase in pH; however, the 
sodiumions of the soft glass combine with the salicylate 
ions to form sodium salicylate. Thus, there arises a 
solutionofsalicylic.acid and sodium salicylate-a buffer 

solution that resists the change in pH. Similarly, a 
solution of ephedrine base manifests a natural buffer 
protection against reductions in pH. Should hydrochlo-
ric acid be added to the solution, ephedrine hydrochlo-
ride is formed, and the buffer system-ephedrine plus 
e.phedrine hydrochloride-s-will resist large changes in 
pH until the ephedrine is depleted by reaction With the 
acid. Therefore, a drug in solution may often act as its 
own buffer over a definite pH range. Such buffer action, 
however, :8 often too. weak to counteract pH changes 
brought about by the carbon dioxide of the air and the 
alkalinity of the bottle. Additional buffers are therefore 
frequently added to drug solutions to maintain the 
system within a certain pH range. A quantitative 
measure of the efficiency or capacity of a buffer to resist 
pH changes will be discussed in a later section. 

pH Indicators. Indicators may be considered as weak 
acids or weak bases that act like buffers and also exhibit 
color changes as their degree of dissociation varies with 
pH. For example, methyl red shows its full alkaline 
color, yellow, at a pH of about 6 and its full acid color, 
red, at about pH 4. Indicators therefore offer a 
convenient alternative method to electrometric tech-
niques (Chapter 9) for determining the pH of a solution. 

The dissociation of an acid indicator is given here in 
simplified form: 

HIn  In (8-16)+ H20 H30+ -+: 
Acid I Base, Acid2 Basel  

(acid color) (alkaline color)  

The equilibrium expression is 
[HgO+][In-] 

(8-17)[HIn] = KIn 

HIn is the un-ionized form of the indicator, which gives 
the acid color, and In-is the ionized form, which 
produces the basic color. KIn is referred to as the 
indicator constant. If an acid is added to a solution of 
the indicator, the hydrogen ion concentration term on 
the right-hand side of equation (8-16) is increased, and 
the ionization is repressed by the common ion effect. 
The indicator is then predominantly in the form of HIn, 
the acid color. If base is added, [HsO+] is reduced by 
reaction of the acid with the base, reaction (8-16) 
proceeds to the right, yielding more ionized indicator 
In _., and the base color predominates. Thus, the color of 
an indicator is a function of the pH of the solution. A 
number of indicators with their useful pH ranges are 
listed in"'rrable 8-1. . 

The equilibrium expression (8-16) may be treated in 
a manner similar to that for a buffer consisting of a 
weak acid and its salt or conjugate base. Hence 

[H 0+] = K [HIn] (8-18)
8 In [In-] 

and since [HIn] represents the acid color of the 
indicator and the conjugate base [In-] represents the 
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172 PhysicalPluJrmacy 

TABLE 8-1. Color, pHandpK,,,, tile Indicator Co""."" til SIIIII. CtIIIIIDtIIf Indicators 

Color 

Indicator Acid Base pH Range pKln 

Thymol blue (acid range) 
Methyl violet 

red 
blue 

yellow 
)liolet 

1.2- 2.8 
1.5- 3.2 

1.5 

Methyl orange 
Bromcresol green 
Methyl red 
Bromcresol purple 
Bromthymol blue 
Phenol red 
Cresol red 
Thymol blue (alkaline range) 
Phenolphthalein 

red 
yellow 
red 
yellow 
yellow 
yellow 
yellow 
yellow 
colorless 

yellow 
blue 
yellow 
purple 
blue 
red 
red 
blue 
red 

3.1- 4.4 
3.8- 5.4 
4.2- 6.2 
5.2- 6.8 
6.0- 7.6 
6.8- 8.4 
7.2 .... 8.8 
8.0- 9.6 
8.3-10.0 

3.7 
4.7 
5.1 
6.3 
7.0 
7.9 
8.3 
8.9 
9.4 

Alizarin yellow 
Indigocarmine 

yellow 
blue 

lilac 
yellow 

10.0-12.0 
11.6--14 

basic color, these terms may be replaced by the 
coneentration expressions, [acid] and [base]. The for-
mula for pH as derived from equation (8-18) becomes 

H - [base]p - pKln + log [acid] (8-19) 

ExaIpIe '-5." Anindicator, methyl red, is present in its ionic fonn 
In -, in a concentration of 3.20 x 10- 3 M and in its molecularform,
H.I"" in an aqueous solution at 25° C in a concentration of 6.78 x 
10-3 M. From Table 8-1 we observe a pK1n of 5.1 for methyl red. 
What is the pH of this solution? 

3 
pH = 5.1 + log 3.20 X 10- = 4.77 

6.78 x 10-3 

Just as a buffer shows its greatest efficiency when 
pH = pKa, an indicator exhibits its middle tint when 
[base]l[acid] = 1 and pH = pKIn• The most efficient 
indicator range, corresponding to the effective buffer 
interval, is about 2 pH units, that is, pK1n ± 1. The 
reason for the width of this color range may be 
explained as follows. It is known from experience that 
one cannot discern a change from the acid color to the 
salt or conjugate base color until the ratio of [base] to 
laeid] is about 1 to 10. That is, there must be at least 1 
part of the basic color to 10 parts of the acid color before 
the eye can discern a change in color from acid to 
alkaline. The pH value at which thls change is perceived 
is given by the equation 

1pH = pKln + log 10 = pKln - 1 (8-20) 
" Conversely, the eye cannot discern a change from the 

alkaline to the acid color until the ratio of [base] to [acid] 
is about 10,to 1, or 

·In dealing with indicators, one is concerned only with the color 
changes and not with the concentrations of the coloredspeciesof the 
indicator. Example (8-5) simply shows that if the concentrations of 
the coloredspecies were known, the same equation couldbeused in 
principlefor indicator solutionsas for buffer systems to caleulate the 
pH of  

pH = pKln + log  = pKln + 1 (8-21) 

Therefore, when base is added to a solution of a buffer 
in its acid form, the eye first visualizes a change in color 
at pKIn - 1, and the color ceases to change any further 
at 'pK1n + 1. The effective range of the indicator 

.  between its full acid and full basic color may thus be 
expressed as 

pH = pKIn ± ,1 (8-22) 

As buffers may be mixed to cover a wide pH range, 
so also can several indicators be combined to yield 
so-called universal indictJtoFa. The Merck Index. sug-
gests one such universal indieator consisting of a 
mixture of methyl yellow, methyl red, bromthymol 
blue, thymol blue, and phenolphthalein, which covers 
the range from pH' 1 to 11. 

The colorimetric method for the determination of pH 
is probably less accurate and less convenient but also 
less expensive than the electr6metric method. It may 
be used in the, determination of the pH of aqueous 
solutions that are not colored or turbid, and it is 
particularly useful for the study of acid- base reactions 
in nonaqueous solutions, The details of the method are 
given in the treatise of Kolthoff and Rosenblum.P Wyss6 
has discussed the determination of the pH of solutions 
in the prescription laboratory. In general, the colori-
metric determination of pH involves' the following 
steps. 

(a) Determine the approximate pH of the solution by 
the addition of several drops of a universal indicator. 
Wide-range pH papers, prepared by applying a univer-
sal indicator solution to paper strips, may be used. 

(6) A series of Clark-Lubs buffer solutions as mod-
ified by Bowerand Bates,"differing by 0.2pH unit and 
within the pH range of the unknown solution, are 
chosen. Several drops of an indicator solution, having a 
pKIn approximately equal to the pH of the unknown 
solution so that it changes color within the pH range 

I 
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...  
under consideration, are added to each buffer sample 
and to the unknown solution contained in suitable test 
tubes. 

(c) The colors of the buffers of known pH are 
matched with the color of the unknown solution; 
accordingly, the pH of the unknown solution can be 
determined to within 0.1 pH unit. 

Narrow-range pH papers may be used in the same 
way as the indicator solution by comparing the color 
when a drop of buffer and a drop of the unknown 
solution are applied to adjacent strips. 

Goyanand Coutsouris" concluded that it was possible 
to cover the pH range from 4  to 8 by the use of only 
three indicators, bromcresol green, bromthymol blue, 
and thymol blue. For details of this method, refer to the 
original article. 

A final note of caution should be added regarding the 
colorimetric method. Since indicators themselves are 
acids (or bases), their addition to unbuffered solutions 
whose pH is to bedetermined will change the pH of the 
solution. The colorimetric method is therefore not 
applicable to the determination of the" pH of sodium 
chloride solution or similar unbuffered pharmaceutical 
preparations unless special precautions are taken in the 
measurement. Some medicinal solutions and pharma-
ceutical vehicles, however, to which no buffers have 
been added, are buffered by the presence of the drug 
itself (p. 171) and can withstand the addition of an 
indicator without a significant change in pH. Errors in 
the result may also be introduced by the presence of 
salts and proteins, and these errors must be determined 
for each indicator over the range involved. 

BUFFER CAPACITY 
Thus far it has been stated that a buffer counteracts 

the change in pH of a solution upon the addition of a 
strong acid, a strong base, or other agents that tend to 
alter the hydrogen ion concentration. Furthermore, it 
has been shown in a rather qualitative manner how this 
buffer action is manifested by combinations of weak 
acids and weak bases together with their salts. The 
resistance to changes of pH now remains to be dis-
cussed in a more quantitative way. 

The magnitude of the resistance of a buffer to pH 
changes is referred to as the buffer capacity 13. It is also 
known as buffer efficiency, buffer index, and buffer 
rolue. Koppel and Spiro! and Van Slyke2 introduced 
the concept of buffer capacity and defined it as the ratio 
of the increment of strong base (or acid) to the small 
change in pH brought about by this addition. For the 
present discussion, the approximate formula, 

(8-23) 

may be used, in which delta, d, has its usual meaning, 
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afinite change, and MJ is the small increment in gram 
equivalents per liter of strong base added to the buffer 
solution to produce a pH change of apH. According to' 
equation (8-23), the buffer capacity of a solution has a 
value of 1 when the addition of 1 gram Eq of strong base 
(or acid) to 1 liter of the" buffer solution results in a 
change of 1 pH unit. The significance of this index will 
be appreciated better when", it is applied to the calcula-
tion of the capacity of a buffer solution. 

Approximate Calculation ofBuffer Capacity. Consider an 
acetate buffer contapling 0.1 mole each' of acetic acid 
and sodium acetate in 1 liter of solution. To this are 
added O.OI-mole portions of sodium hydroxide. When 
the first increment of sodium' hydroxide is added, the 
concentration of sodium acetate, the [salt] term in the 
buffer equation, increases by 0.01 mole/liter, and the 
acetic acid concentration [acid] decreases proportion-
ately, because each increment of base converts 0.01 
mole of acetic acid into 0.01 mole of sodium acetate 
according to the reaction 

HAc + NaOH  NaAc + H20 (8-24) 
(0.1 - 0.01) (0.01) (0.1 + 0.01) 
The changes in concentration of the salt and the acid by 
the addition of a base are represented in the buffer 
equation (8-8) by using the modified form: 

, [salt] + [base]
pH = pKa + log ['d] [b ] (8-25)aCI - ase 

Before the addition of the first portion of sodium 
hydroxide, the pH of the buffer solution is 

(0.1 + 0)
pH = 4.76 + log (0.1 _ 0) = 4.76 (8-26) 

The results of the continual addition of sodium hydrox-
ide are shown in Table 8-2. The student should verify 
the pH values and buffer capacities by the use of 
equations (8-25) and (8-23) respectively. 

As may be seen from Table 8-2, the buffer capacity 
is not a fixed value for a given buffer system, but rather 
depends on the amount of base added. The buffer 
capacity changes as the ratio log [salt]l[acid] increases 
with added base. With the addition of more sodium 
hydroxide, the buffer capacity decreases rapidly, and, 

TABLE 8-2. Buffer C'/Mclty of Solution, Co.lnln, Equimo/.r 
Amounts (0.' M) ofAcetic Acid IntiSoIIlum Ac"'" 
Moles of pH of Buffer 
NaOH Added Solution Capacity, p 

0 4.76 
0.01 4.85 0.11 
0.02 4.94 0.11 
0.03 5.03 0.11 
0.04 5.13 0..10 
0.05 5.24 0.09 
0.06 5.36 0.08 
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174 Physical Pharmacy 

when sufficient base has been added to convert the acid 
completely into sodium ions and acetate ions, the 
solution no longer possesses an acid reserve. The buffer 
has its greatest capacity before any base is added where 
[salt]l[acid] = 1, and, therefore, according to equation 
(8-8), pH = pKa . The buffer capacity is also influenced 
by an increase in the total concentration of the buffer 
constituents since, obviously, a great concentration of 
salt and acid provides a greater alkaline and acid 
reserve. The influence of concentration on buffer capac-
ity is treated following the discussion of Van Slyke's 
equation. 

A More Exact Equation for Buffer Capacity. The buffer 
capacity calculated from equation (8-23) is only approx-
imate. It gives the average buffer capacity over the 
increment of base added. Koppel and Spiro! and Van 
Slyke2 developed a more exact equation, 

= 2.3C Ka[HgO+] (8-27) (K + [HgO+])2 a 

where C is the total buffer concentration, that is, the 
sum of the molar concentrations of the acid and the salt. 
Equation (8-27) permits one to compute the buffer 
capacity at any hydrogen ion concentration-s-for exam-
ple, at the point where no acid or base has been added 
to the buffer. 

Example B-6. At a hydrogen ion concentration of 1.75 x 10- 5 

(pH = 4.76), what is the capacity of a buffer containing 0.10 mole each 
of acetic acid and sodium acetate per liter of solution? The total 
concentration, C = [acid] + [salt], is 0.20 mole per liter, and the 
dissociation constant is 1.75 X 10-6• 

 = 2.3 x 0.20 x (1.75 x 10-5) x (1.75 x 10-5) 

[(1.75 x 10-5) + (1.  x 10-5)]2 

= 0.115 

Example B-7. Prepare a buffer solution of pH 5.00 having a 
capacity of 0.02. The steps in the solution of the problem are: 

(a) One chooses a weak acid having a pKa close to the pH desired. 
Acetic acid, pKa = 4.76, is suitable in this case. 

(b) The ratio of salt and acid required to produce a pH of 5.00 was 
found in Ezample 8-! to be [salt]l[acid] = 1.74/1. 

(c) The buffer capacity equation (8-27) is used to obtain the total 
buffer concentration, C = [salt] + [acid] 

(1.75 x 10-5) x (1 x 10-5)
0.02 = 2.3C 

[(1.75 x 10-5) + (1 X 10-5)]2 

C = 3.75 X 10-2 mole/liter 
(d) Finally from (b), [salt] = 1.74 x [acid], 'and from (c): 

C = (1.74 x [acid]) + [acid] 
= 3.75 X 10-2 molelliter 

Therefore 
[acid] = 1.37 x 10-2 mole/liter 

and 
[salt] - 1.74 x [acid] 

= 2.38 x 10-2 molel1iter 

The Influence of Concentration on Buffer Capacity. The 
buffer capacity is affected not only by the [salt]l[acid] 
ratio but also by the total concentrations of acid and 

salt. As shown in Table 8-2, when 0.01 mole of base 
was added to a 0.1 molar acetate buffer, the pH 
increased from 4.76 to 4.85 or a dpH of 0.09. 

If the concentration of acetic acid and sodium acetate 
is raised to 1 molar, the pH of the original butler-
solution remains at about 4.76, but now, upon the 
addition of 0.01 mole of base, it becomes 4.77, a dpH of 
only 0.01. The calculation, disregarding activity coeffi-
cients, is 

(1.0 + 0.01)
pH = 4.76. + log (1.0 _ 0.01) = 4.77 (8-28) 

Therefore, an increase in the concentration of the buffer 
components results in a greater buffer capacity or 
efficiency. This conclusion is also evident in equation 
(8-27), where an increase in the total buffer concentra-
tion, C = [salt] + [acid], obviously results in a greater 
value  

In summary, the buffer capacity depends on (a) the 
value of the ratio [salt]/[acid], increasing as the ratio 
approaches unity; and (.b) the magnitude of the individ-
ual concentrations of the buffer components, the buffer 
becoming more efficient as the salt and acid concentra-
tions are increased. 

Maximum Buffer Capacity. An equation expressing the 
maximum buffer capacity may be derived from the 
buffer capacity formula of.Koppel and Spiro' and Van 
Slyke2 (equation (8-27). The maximum buffer capacity 
occurs where pH = pKa, or, in equivalent terms, where 
[HsO+] = Ka• Substituting [HsO+] for Ka in both the 
numerator and denominator of equation (8-27) gives 

R = 2.303C [HgO+]2 = 2.303C 
t-Irnax (2[H30 +])2 4 

 = 0.576C (8-29) 

in which C is the total buffer concentration. 

Example B-B. What is the maximum buffer capacity of an acetate 
butTer with a total concentration of.O.020 mole per liter? 

 = 0.576 x 0.020 
= 0.01152 or 0.012 

Neutralization Curves and Buffer Capacity. A further 
understanding of buffer capacity can be obtained' by 
considering the titration curves of strong and weak 
acids when they are mixed with increasing quantities of 
alkali. The reaction of an equivalent of an acid with an 
equivalent of a base is called neutralization; it may be 
expressed according to the method of Bronsted and 
Lowry. The neutralization of a strong acid by a strong 
base and weak acid by a strong base are written, as 
explained on pp. 148-145, in the form 

Acid1 Base2 Acid2 Basel 
HaO+(CI-) + (Na+)OH- = H20 + H20 + Na" + CI-
HAc + (Na+)OH- = + (Na+)Ac-H20 
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in which (HsO+)(CI-) is the hydrated form of HCI in 
water. The neutralization of a strong acid 'by a strong 
base simply involves a reaction between hydronium and 
hydroxyl ions and is usually written 

HaO+ + OH- = 2H20 (8-30) 

Since (CI-) and (Na+), appear on both sides of the 
equation just given, they may be disregarded without 
inftuencing the result. The reaction between the strong 
acid and strong base proceeds almost' to completion; 
however, the weak acid-strong base reaction is incom-
plete, since Ac- reacts in part with water, that is, it 
hydrolyzes.to regenerate the free acid. 

The neutralization of 10 mL of 0.1 N HCI (curve I) 
and 10mL of 0.1 N acetic acid (curve II) by 0.1 NNaOH 
is shown in Figure 8-1. The plot of pH versus 
milliliters of NaOH added produces the titration curve. 
It is computed as follows for HCl. Before the first 
increment of NaOH is added, the hydrogen ion concen-
tration of the O.I-N solution of Hel is 10-1 molelliter 
and the pH = 1, disregarding activities and assuming 
Hel to be completely ionized. The addition of 5 mL of 
0.1 N NaOH neutralizes 5 mL of 0.1 N HCI, leaving 
5 mL of the original HCI in 10 + 5 = 15 ml, of solu-
tion, or [HsO+] = &x 0.1 = 3.3 x 10-2 mole per liter 
and pH = 1.48. When 10 mL of base has been added, all 
the HCI is converted to NaCI, and the pH, disregarding 
the difference between activity and concentration re-
sulting from the ionic strength of the NaCI solution, is 
7. This ,is known as the equivalence point of the 
titration. Curve I in Figure 8-1 results from plotting 
such data. It is seen that the pH does not change 
markedly until nearly all the HCl is neutralized. Hence, 
a solution of a strong acid has a high buffer capacity 
below a pH of 2. Likewise, a strong base has a high 
buffer capacity above a pH of 12. 

14...------------. 

12 

10 

8 
:z: ca.  

6  

4 

2 

00 5 10 15 20 
mi.of O.IN NaOH 

 8-1. Neutralimtion of a strong acidand a weak acid by a strong 
base. 
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The buffer capacity equations considered thus far 
have pertained exclusively to 'mixtures of weak electro-
lytes and their salts. The buffer capacity of a solution of 
a strong acid was shown by VanSlyke to be directly 
proportional to the hydrogen ion concentration, or 

 = 2.303 [lIaO+] (8-31) 

The buffer capacity of a solution of a strong base is 
similarly proportional to the hydroxyl ion concentra-
tion, 

(8-32) 

The total buffer capacity of a water solution of a strong 
acid or base at any pH is the sum of the separate 
capacities just given, equations (8-31) and (8-32), or.. 

 = 2.303([lIaO+] + [OH-]) (8-33) 

Exlmpl, B-9. What is the buffer capacity of a solution of 
hydrochloric acid having a hydrogen ion concentration of 10-2 mole 
per liter? 

The hydroxyl ion concentration of such a solution is 10-12 , and the 
total buffer capacity is 

 = 2.303(10- 2 +  

 = 0.023 
The OH- concentration is obviously 80 low in this case that it may 

be neglected in the calculation. 

Three equations are normally used to obtain the data 
for the titration curve of a weak acid (curve II of Figure 
8-1), although a single equation that is somewhat 
complicated can be used. Suppose that increments of 
0.1 N NaOH are added to 10 mL of a O.l-N' HAc 
solution. 

(a) The pH of the solution, before any NaOH has been 
added, is obtained from the equation for a weak acid  
156, equation (7-99». 

pH = h>Ka -  log e 

= 2.38 -  log 10-1 = 2.88 

(b) At the equivalence point, where the acid has been 
converted completely into sodium ions and acetate ions, 
the pH is computed from the equation for a salt of a 
weak acidand strong base (p. 156, equation (7-103») in 
log form: 

pH =  pKw + i pKa + i log e 

= 7.00 + 2.38 +  log (5 x 10-2) 

= 8.73 

The concentration of the acid is given in the last term of 
this equation as 0.05, because the solution has been 
reduced to half its original value by mixing it with an 
equal volume of base at the equivalence point, 

(c) Between these points on the neutralization curve, 
the incrementa of NaOH convert some of the acid to its 
conjugate base Ac- to fonn a buffer mixture, and the 
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pH of the system is calculated from the buffer equation. 
When 5 mL of base is added, the equivalent of 5 mL of 
0.1 N acid remains and 5 mL of 0.1 N Ac- is formed, 
and using the Henderson-Hasselbalch equation, 

_ [salt]
pH - pKa + log [acid] 

= 4.76 + log 55 = 4.76 

The slope of the curve is a minimum and the buffer 
capacity is greatest at this point, where the solution 
shows the smallest pH change per gram equivalent of 
base added. The buffer capacity of a solution is the 
reciprocal of the slope of the curve at a point corre-
sponding to the composition of the buffer solution. As 
seen in Figure 8-1, the slope of the line is a minimum, 
and the buffer capacity is greatest at half-neutraliza-
tion, where pH = pKa• 

The titration curve for a tribasic acid such as HgPO4 
consists of three stages, as shown in Figure 8-2. These 
may be considered as being produced by three separate 
acids (HgP04, pK1 = 2.21; H2P04-, pK2 = 7.21; and 
HP04

2- , pKg = 12.67)whose strengths are sufficiently 
different so that their curves do not overlap. The curves 
may be plotted. by using the buffer equation and their 
ends joined by smooth lines to produce the continuous 
curve of Figure 8-2. 

A mixture of weak acids, whose pKa values are 
sufficientlyalike (differing by no more than about 2 pH 
units) so that their buffer regions overlap, can be used 
as a universal buffer over a wide range of pH values. A 
buffer of this type was introduced by Britton and 
Robinson.t The three stages of citric acid-pK1 =3.15, 
pK2  '4.78, pKa =  sufficiently close to 
provide overlapping of neutralization curves and effi-
cient buffering over this range. Adding  
whose conjugate acid H2P04- has a pK2 of 7.2, 

20 40 60 80· 100 
NaOH' 

Fil.8-3. Neutralization curve for a universal buffer. The  
axis is marked off in milliliters of 0.2 N NaOH. (After H. T. Bntton, 
Hydrogen Ions, Vol. I, D. Van Nostrand, New York, 1956, p. 368.) 

diethylbarbituric acid, pK1 = 7.91, and boric acid, 
pK1 ,= 9.24, provides a universal buffer that covers the 
pH range of about 2.4 to 12. The neutralization curve 
for the universal buffer mixture is linear between pH 4 
and 8, as seen in Figure 8-3, because the successive 
dissociation constants differ by only a small value. 

A titration curve depends on the ratio of the succes-
sive dissociation constants, Theoretically, when one K 
is equal to or less than 16 times the previous K, that is, 
when successive pKs do not differ by greater than 1.2 
units, the second ionization begins well before the first 
is completed, and the titration curve is a straight line 
with no inflection points. Actually the inflection is not 
noticeable until one K is about 50 to 100 times that of 
the previous K value. ' . 

The buffer capacity of several acid-salt mixtures is 
plotted against pH in Figure 8-4. A buffer solution is 
useful within a range of about ± 1 pH unit about the pKa 
of its acid, where the buffer capacity is roughly greater 
than 0.01 or 0.02, as observed in Figure 8-4. Accord-
ingly, the acetate buffer should be effective over a pH 
range of about 3.8 to 5.8, and the borate buffer should 
be effective over a range of8.2 to 10.2. In each case, the 
greatest capacity occurs where [salt]/[acid] = 1 and 
pH = pKa• Because of interionic effects, buffer capac-
ities do not in general exceed a value of 0.2. The buf-

0.12 

0.10 

3 5 7 9 11 13 
pH 

Fil. 8-2. 

ml Base 

N  of a  acid. 

Fil. 8-4. The buffer capacity of several buffer systems as a function 
of pH. (Modified from R. G. Bates, Electrcnnetric pH Determina-
ticm8, Wiley, New York, 1954.) 
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0.08 --------------, 

0.06 
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0.02 

4 5 6 7 8 9 10 11 
pH 

Fil. 8-5. The total buffer capacityof  universal buffer as a  
of pH. From I. M. Kolthoffand C. Rosenblum, Acid-Base Ind'tCa-
tors, Macmillan, New York, 1937, p. 29.) 

fer capacity of a solution of the strong acid Hel be-
comes marked below a pH of 2, and the buffer capacity 
ofa strong base NaOH becomessignificant above a pH 
of 12. 

The buffer capacity of a combination of buffers, the 
pKa values .of which overlap to produce a universal 
buffer, is plotted in Figure 8-5. It is seen that the total 
buffer capacity If3 is the sum of the f3 values of the 
individual buffers. In this figure, it is assumed that the 
maximum f3's of all buffers in the series are identical. 

BUFFERS IN PHARMACEUTICAL AND BIOLOGIC SYSTEMS 
In Vivo Biolotic Buffer Systems. Blood is maintained at 

a pH ofabout 7.4 by the so-called primary buffers in the 
plasma and the secondary buffers in the erythrocytes. 
The plasma contains carbonic acid/bicarbonate and 
acid/alkali sodium salts of phosphoric acid as buffers. 
Plasma proteins, which behave as acids in blood, can 
combine with bases and so act as buffers. In the 
erythrocytes, the two buffer systems consist of hemo-
globin/oxyhemoglobin and acid/alkali potassium salts of 
phosphoric acid. 

The dissociation exponent pKI for the first ionization 
stage of carbonic acid in the plasma at body tempera-
ture and an ionic strength of 0.16 is about 6.1. The 
bufferequation for the carbonicacidlbicarbonatebuffer 
of the blood is 

[HCOs-] 
pH = 6.1 + log [H (8-34)2COs] 

in which [H2COS] represents the concentration of CO2 
presentas H2COadissolvedin the blood. At a pH of7.4, 
the ratio ofbicarbonate to carbonicacid in normal blood 
plasma is 

[HCOs-] 
log [H

2 
CO s] = 7.4 - 6.1 = 1.3 

or 
[HCOs-]l[H2COs] = 20/1 (8-35) 

This result checks with experimental findings, since 
the actual concentrations of bicarbonate and carbonic 
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acid in the plasma are about 0.025 M and 0.00125 M 
respectively. 

The buffer capacity of the blood in the physiologic 
range pH 7.0 to 7.8 is obtained as follows. According to 
Peters and Van Slyke,IO the buffer capacity of the blood 
owing to hemoglobin and', other constituents, exclusive 
ofbicarbonate, is about 0.025gram equivalents per liter 
per pH unit. The pH of the bicarbonate buffer in the 
blood (i.e. pH 7.4) is rather far removed from the pH 
(6.1) where it exhibits maximumbuffer capacity;there-
fore the bicarbonate's buffer action is relatively small'I .with respect to that of the other blood constituents. 
According to the calculation just given, the ratio 
[NaHCOa]l[H2COs] is 20:1 at pH 7.4. Using equation 
(8-27) the buffer capacity for the bicarbonate system 
(K1 =4x 10-7) at a pH of 7.4 ([HsO+] = 4 x 10-" is 
found to be roughly 0.003. Therefore, the total buffer 
capacity of the blood in the physiologic range, the sum 
of the capacities of the various constituents, is ,0.025 + 
0.003 = 0.028. Salenius'! reported a value of 0.0318 ± 
0.0035 for whole blood, whereas Ellison et al.12 ob-
tained a buffer capacity ofabout 0.039gram equivalents 
per liter per pH unit for wholeblood,ofwhich0,,031 was 
contributed by the cells and 0.008 by the plasma. 

Usually when the pH of the blood goes belows.s or 
above 7.8, life is in serious danger. The pH of the blood 
in diabetic coma is alleged to drop as low as about 6.8. 

Lacrimal fluid, or tears, have been fo-und to have a 
great degree of buffer capacity, allowing a  of 
1:15 with neutral distilled water before an alteration of 
pH is notieed.P In the tenninology of. Bates;14 this 
would be referred to today as dilutiOn value rather 
than buffer capacity (p. 171).. The pH of tears is about 
7.4, with a range of 7 to 8 or slightly higher. Pure 
conjunctival fluid is probably more acidic than the  
fluid commonly used in pH measurements. This IS 
because pH increases rapidly when the sample  / 
removed for analysis because of the lossofCO2 from)he 
tear fluid. 

Urine. The 24-hour urine collection of a normal adult 
has a pH averaging about 6.0 units; it may be as lowas 
4.5'or as high as 7.8. When the pH of the urine is below 
normal values, hydrogen ions are excreted· by the 
kidneys. Conversely, when the urine is above pH 7.4, 
hydrogen ions are retained by action of the kidneys in 
order to return the pH to its normal range of values. 

Pharmaceutical Butlers. Buffer solutions are used 
frequently in pharmaceutical practice, particularly in 
the formulation of ophthalmic solutions. They also find 
applicationin the colorimetricdetermination of pH and 
for those research studies in which pH must be held 
constant. 

Gifford15 suggested two stock solutions, one contain-
ing boric acid and the other monohydrated sodium 
carbonate, which, when mixed in various proportions, 
yield buffer solutions with pH values from about 5 to 9. 

SOrensen1' proposed a mixture of the salts of sodium 
phosphate for buffer solutions of pH 6 to 8. Sodium 
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178 Physical Pharmacy 

chloride is added to each buffer mixture to make it 
isotonic with body fluids. 

A buffer system suggested by Palitzsch'" and modi-
fied by Hind and (.}oyanl 8 consists of boric acid, sodium 
borate, and sufficient sodium chloride to make the 
mixtures isotonic. It is used for ophthalmic solutions in 
the pH range of 7 to 9. . 

The buffers of Clark and Lubs;" based on the 
original pH scale of Sorensen, have been redetermined 
at 25° C by Bower and Bates7 so as to conform to the 
present definition of pH (p. 200). Between pH 3 and 11, 
the older values were about 0.04 unit lower than the 
values now assigned, and at the ends of the' scale, the 
differences were greater. The original values were 

· determined at 20° C, whereas most experiments today 
are performed at 25° C. 

The Clark-Lubs mixtures and their corresponding 
pH ranges are: 

(a) HCI and KCI, pH 1.2 to 2.2 
(b) HCl and potassium hydrogen phthalate, pH 2.2 

to 4.0 
(c) NaOH and potassium hydrogen phthalate, pH 4.2 

to 5.8 
(d) NaOH and KH2P04, pH 5.8 to 8.0 
(e) HaBOa, NaOH and KCI, pH 8.0 to 10.0 
With regard to mixture (a), consisting of HCI and 

'KCIand used for the pH range from 1.0 to 2.2,. it will be 
recalled from the discussion of the neutralization curve 
(I), Figure '8-1, that HCI alone has considerable buffer 
efficiencybelow pH 2. KCI is a neutral salt and is added 
to adjust"the ionic strength of the buffer solutions to a 
constant value of o. io, the pH calculated from the 
equation, -Jog aH+ = -log ('Y±c), corresponds closely 
to the experimentally determined pH. The role of the 
KCIin the Clark-Lubs buffer is sometimes erroneously 
interpreted as that of a salt of the buffer acid, HCl, 
corresponding to the part played by sodium acetate as 
the salt of the weak buffer acid, HAc. Potassium 
chloride is added to (e), the borate buffer, to produce an 
ionic strength comparable to that of (d), the phosphate' 
buffer, where the pH of the two buffer series overlap. 

Buffer solutions are discussed in the USP XXII on 
pp. 1598, 1599, 1784, an<l1785. A buffer commonly used 
in biologic research (pH 7 to 9) and reported in the 
Merck Index is TRIS, aminohydroxymethyl propane-
diol. 

Preparation of Pharmaceutical Buffer Solutions. The 
pharmacist may be called upon at times to prepare 
buffer systems, the formulas for which do not appear in 
the literature. The following steps should be helpful in 
the development of a new buffer. 

(a) Select a weak acid having a pKa approximately 
equal to the pH at which the buffer is to be used. This 
will ensure maximum buffer capacity. 

(b) From the buffer equation, calculate the ratio of 
salt and weak acid required to obtain the desired pH. 
The blUfer equation is satisfactory for approximate 
calculations within the pH range of 4 to 10. 

(c) Consider the individual concentrations of the 
buffer salt and acid needed to obtain a suitable buffer 
capacity. A concentration of 0.05 to 0.5 M is usually 
sufficient; and a buffer capacity of 0.01 to 0.1 is 
generally adequate. 

(d) Other factors of some importance in the choiceof 
a pharmaceutical buffer include availability of chemi-
cals, sterility of the final solution, stability of the drug 
and buffer on aging, cost of materials, and freedom 
from toxicity. For example, a borate buffer, because 
of its toxic effects, certainly cannot be used to stabi-
lize a solution to be administered oraUy or paren-
terally. 

(e) Finally, one should determine the pH and buffer 
capacity of the completed buffered solution using a 
reliable pH meter. In some cases, sufficient accuracy is 
obtained by the use of pH papers. Particularly when the 
electrolyte concentration is high, it may be found that 
the pH calculated by use of the buffer equation is 
somewhat different from the experimental value. This 
is to be expected when activity coefficients are not 
taken into account, and it emphasizes the necessity' for 
carrying out the actual determination. 

Influence of Buffer Capacity and pH on Tissue Irritation. 
Solutions to be applied to tissues or administered 
parenterally are liable to cause irritation if their pH is 
greatly removed from the normal pH of the relevant 
body fluid. Consequently, the pharmacist must consider 
this point when formulating ophthalmic solutions, 
parenteral products, and fluids to be applied to abraded 
surfaces. Of possible greater significance than the 
actual pH of the solution is its buffer capacity and the 
volume to be used in relation to the volume of body fluid 
with which the buffered solution will come in contact. 
The buffer, capacity of the body fluid should also be 
considered. Tissue irritation, due to large pH differ-
ences between the solution being administered and the 
physiologic environment in which it is used, will be 
minimal (a) the lower the buffer capacity of the 
solution, (b) the smaller the volume used, for a given 
concentration, and (c) the larger the volume and buffer 
capacity of the physiologic fluid. 

Friedenwald et a1. 20 claimed that the pH of solutions 
for introduction into the eye may vary from 4.5 to 11.5 
without marked pain or damage. This statement evi-
dently would be true only if the buffer capacity were 
kept .low. Martin and Mims21 found· that Sorensen's 
phosphate buffer produced irritation in the eyes of a 
number of subjects when used outside the narrow pH 
range of 6.5 to 8, whereas a boric acid solution of pH 5 
produced no discomfort in the eyes of the same 
subjects. Martin and  concluded that a pH range of 
nonirritation cannot be established absolutely but 
rather depends upon the buffer employed. In light of 
the previous discussion, this apparent anomaly can be 
explained partly in terms of the low buffer capacity of 
boric acid as compared with that of the phosphate 
buffer (cf. Problems'8-12 and 8-13, p. 188)and partly 
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to the difference of the physiologic response to various 
ion species. 

Riegelman and Vaughn22 assumed that the acid-
neutralizing power of the tears when 0.1 mL of a 1% 
solution of adrug is instilled into the eye is roughly 
equivalent to 10 microliters of a 0.01-N strong base. 
They point out that while in a few cases irritation of the 
eye may result from the presence of the free base form 
of a drug at the physiologic pH, it is more often due to 
the acidity of the eye solution. For example, since only 
one carboxyl group of tartaric acid is neutralized by 
.epinephrine base in epinephrine bitartrate, a O.06-M 
solution of the drug has a pH of about 3.5. The 
prolonged pain resulting from instilling two drops of 
this solution into the eye is presumably due to the 
unneutralized acid of the bitartrate, which requires ten 
times the amount of tears to restore the normal pH of 
the eye as compared with the result following two drops 
of epinephrine hydrochloride. Solutions of pilocarpine 
salts also possess sufficient buffer capacity to cause pain 
or irritation owing to their acid reaction when instilled 
into the eye. 

Parenteral solutions for injection into the blood are 
usually not buffered, or they are buffered to a low 
capacity so that the buffers of the blood may readily 
bring them within the physiologic pH range. If the 
drugs are to be injected only in small quantities and at 
a slow rate, their solutions can be buffered weakly to 
maintain approximate neutrality. 

Following oral administration, aspirin is absorbed 
more rapidly in systems buffered at low buffer capacity 
than in systems containing no buffer or in highly 
buffered preparations, according to Mason.23 Thus, the 
buffer capacity of the buffer should be optimized to 
produce rapid absorption and minimal gastric irritation 
of orally administered aspirin. 

In addition to the adjustment of tonicity and pH for 
ophthalmic preparations, similar requirements are de-
manded for nasal delivery of drugs. This has become all 
the more important in recent years since the nasal 
passage is now used for the administration of systemic 
drugs (see pp. 525-527 for nasal dosage forms). Insulin, 
for example, is more effective by nasal administration 

. than by other nonparenteral routes. 24 

Stability vs. Optimum Therapeutic  For the 
sake of completeness, some mention must be made at 
this point of the effect of buffer capacity and pH on the 
stability and therapeutic response of the drug being 
used in solution. 

As will be discussed later (Chapter 10), the undisso-
ciated form of a weakly acidic or basic drug often has a 
higher therapeutic activity than the dissociated salt 
form, This is because the former is lipid soluble and can 
penetrate body membranes readily, whereas the ionic 
form, not being lipid soluble, can penetrate membranes 
only with greater difficulty. Thus Swan and White25 

and Cogan and Kinsey26 observed an increase in 
therapeutic response of weakly basic alkaloids (used as 
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ophthalmic drugs) as the pH of the solution, and hence 
concentration of the undissociated base, was increased. 
At a pH of about 4, these drugs are predominantly in 
.the ionic form, and penetration is slow or insignificant. 
When the tears bring the, pH to about 7.4, the drugs 
may exist to a significant degree in the form of the free 
base, depending on the dissociation constant of the 
drug. ' 

Example B- 10. The pKb of pilocarpine is 7.15 at 250 C. Compute the 
mole percent of free base present on 250 C and at 8 pH of 7.4. 

CllH16N202 + H20  CllH16N202H+ + OH-
Pilocarpine , Pilocarpine 

base ion 
[base]

pH = pK", pKb + log [salt]-

[base]
7.4 = 14.00 - 7.15 + log [salt] 

[base]
log [salt] = 7.40 - 14.00 + 7.15 = 0.55 

[base] 3.56 
[salt] = -1-

mole percent of base [base] x 100 
. [salt] + [base] 

= [3.56/(1 + 3.56)] x 100 = 78% 

Hind and Goyan27 " pointed out that the pH for 
maximum stability of a drug for ophthalmic use ·maybe 

..far below that of the optimum physiologic effect. Under 
such conditions, the solution of the drug can.bebuffered 
at a low buffer capacity and at a pH that is a 
compromise between that of optimum stability and the 
pH for maximum therapeutic action. The buffer is 
adequate.to prevent changes in pH due to the alkalinity 
of the glass or acidity of CO2 from dissolved air. Yet, 
when the solution is instilled in the eye, the tears 
participate in the gradual neutralization of the solution; 
conversion of the drug occurs from the physiologically 
inactive form to the undissociated base. The base can 
then readily penetrate the lipoidal membrane. As the 
base is absorbed at the pH of the eye, more ofthe salt 
is converted into base to preserve the constancy-of pKb; 
hence, the alkaloidal drug is gradually absorbed. 

pH and SolUbility. The relationship of pH and the 
solubility of weak electrolytes will be treated in some 
detail in Chapter 10. At this point it is necessary only to 
point out briefly the influence of buffering on the 
solubilityof an alkaloidal base. At a low pH, a base is 
predominantly in·the ionic fonn, which is usually very 
soluble in aqueous media. As the pH is. raised, more 
undissoeiated base is formed as calculated by the 
method illustrated in Example 8-10. When the amount 
of base exceeds the limited water solubility of this form, 
free base precipitates from solution. Therefore, the 
solution should be buffered at a sufficiently low pH 80 
that the concentration of alkaloidal base in equilibrium 
with its salt is calculated to be less than the solubility of 
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the free base at the storage temperature. Stabilization 
against precipitation can thus be maintained. 

BUFFERED ISOTONIC SOLUTIONS 
Reference has already been made to the in vivo 

buffer systems, such as blood and lacrimal fluid, and the 
desirability for buffering pharmaceutical solutions un-
der certain conditions. In addition to carrying out pH 
adjustment, pharmaceutical solutions that are meant 
for application to delicate membranes of the body 
should also be adjusted to approximately the same 
osmotic pressure (Chapter 5) as that of the body fluids. 

· Isotonic solutions cause no swelling or contraction of 
the tissues with which they come in contact, and 
produce no discomfort when instilled in the eye, nasal 
tract, blood, or other body tissues. Isotonic sodium 
chloride is a familiar pharmaceutical example of such a 
preparation. 

The need to achieve isotonic conditions with solutions 
to be applied to delicate membranes is dramatically 
illustrated by mixing a small quantity of blood with 
aqueous sodium chloride solutions of varying tonicity. 
For example, Ifa small quantity of blood, defibrinated 
to prevent clotting, is mixed with a solution containing 
0.9 g NaCI per 100 mL, the cells retain their normal 
size. The solution has essentially the same salt concen-
tration and hence the same osmotic pressure as the red 
blood cell contents, and is said to be isotonic with blood. 
If the red blood cells are suspended in a 2.0% NaCI 
solution, the water within the cells passes through the 
cell membrane in an attempt to dilute the surrounding 
salt solution until the salt concentrations on both sides 
of the erythrocyte membrane are identical. This out-
ward passage of water causes the cells to shrink and 
become wrinkled or crenated. The, salt solution in this 
instance is said to be hypertonic with respect to the 
blood cell contents. Finally, if the blood is mixed with 
0.2% NaCI solution or with distilled water, water' 
enters the blood cells, causing them to swell and finally 
burst, with the liberation of hemoglobin. This phenom-
enon is known as hemolqsi«, and the weak salt solution 
or water is said to be hypotonic with respect to the 
blood. 

The student should appreciate that the red blood cell 
membrane is not impermeable to all drugs; that is, it is 
not a perfect semipermeable membrane. Thus, it will 
permit the passage of not only water molecules, but also 
solutes such as urea, ammonium chloride, alcohol, and 
boric acid.28 A 2.0% solution of boric acid has the same 
osmotic pressure as the blood cell contents when 
determined by the freezing point method and is there-
fore said to be isosmotic with blood. The molecules of 
boric acid pass freely through the erythrocyte mem-
brane, however, regardless of concentration. As a 
result, this solution acts essentially as water when in 
contact with blood cells. Being extremely hypotonic 

with respect to the blood, boric acid solution brings 
about rapid hemolysis. Therefore, a solution containing 
a quantity of drug calculated to be isosmotic with blood 
is isotonic only when the blood cells are impermeable to 
the solute molecules and permeable to the solvent, 
water. It is interesting to note that the mucous lining of 
the eye acts as a true semipermeable membrane to 
boric acid in solution. Accordingly, a 2.0% boric acid 
solution serves as an isotonic ophthalmic preparation. 

To overcome this difficulty, Husa29 has suggested 
that the term isotonic should be restricted to solutions 
having equal osmotic pressures with respect to a 
particular membrane. Goyan and Rec}{30 felt that, 
rather than restricting the use of the term in. this 
manner, a new term should be introduced that is 
defined on the basis of the sodium chloride concentra-
tion. These workers defined the term isotonicity value 
as the concentration of an aqueous NaCl solution having 
the same colligative properties as the solution in 
question. Although all solutions having an isotonicity 
value of 0.9. g NaCI per 100 mL of solution need not 
necessarily be isotonic with respect to the living 
membranes concerned. Nevertheless, many of them are 
roughly isotonic in this sense, and all may be considered 
isotonic across an ideal membrane. Accordingly, the 
term isotonic is used with this meaning throughout the 
present chapter. Only a few substances-those that 
penetrate animal membranes at a sufficient rate-will 
show exception to this classification. 

The remainder of this chapter is concerned with a 
discussion of isotonic solutions and the means by which 
they may be buffered. 

Measurement ofTonicity. The tonicity of solutions may 
be determined by one of two methods. First, in the 
hemolyticmethod, the effect of various solutions of the 
drug is observed on the appearance of red blood cells 
suspended in the solutions. The various effects pro-
duced have been described In the previous section. 
Husa and his associatesf" have used this method. In 
their later work, a quantitative method developed by 
Hunter'" was used based on the fact that a hypotonic 
solution liberates oxyhemoglobin in direct proportion to 
the number of cells 'hemolyzed. By such means, the 
van't Hoff i factor (p. 129) can be determined and the 
value compared with that computed from cryoscopic 
data, osmotic coefficient, and activitycoefficient.32 

Husa has found that a drug having the proper i value 
as measured by freezing point depression or computed 
from theoretic equations nevertheless' may hemolyze 
human red blood cells; it was on this basis that he 
suggested restriction of the term isotonic to solutions 
having equal osmotic pressures with respect to a 
particular membrane. 

The second approach used to measure tonicity is 
based on any of the methods that determine colligative 
properties, as discussed in Chapter 6. Goyan and 
Rec}(30 investigated various modifications of the Hill-
Baldes technique33 (p. 111) for measuring tonicity. This 
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method is based on a measurement of the slight 
temperature differences arising from differences in the 
vapor pressure of thermally insulated samples con-
tained in constant-humidity chambers. 

One of the first references to the determination of the 
freezing point of blood and tears (as was necessary to 
make solutions isotonic with these fluids) was that of 
Lumiere and Chevrotier.P' in which the values of 
-0.56° and -0.80° C were given respectively for the 
two fluids. Following work by Pedersen-Bjergaard and 
co-workers,35,36 however, it is now well established 
that -0.52° is the freezing point of both human blood 
and lacrimal fluid. This temperature corresponds to the 
freezing point of a 0.90% NaCI solution, which is 
therefore considered to be isotonic with both blood and 
lacrimal fluid. 

Calculatinl Tonicity USinl Lisa Values. Since the 
freezing point depressions for solutions of electrolytes 
of both the weak and strong types are always greater 
than those calculated from the equation, 4Tf = Ktc, a 
new factor, L = iKf , is introduced to overcome this diffi-
culty.37 The equation already discussed in Chapter 6, 
p. 137, is 

4Tf = Lc (8-36) 

The L value may be obtained from the freezing point 
lowering of solutions of representative compounds of a 
given·ionic type at a concentration c that is isotonic with 
body fluids. This specific value of L is symbolized asLiso 
(p. 137). 

The Liso value for a 0.90% (0.154·-M) solution of 
sodium chloride, which has a freezing point depression 
of  and is thus isotonic with body fluids, is 3.4: 

4Tf 
Lisa =- (8-37)

C 

Lnro =  = 3.4 

The interionic attraction in solutions that are not too 
concentrated is roughly the same for all uni-univalent 
electrolytes regardless of the chemical nature of the 
various compounds of this class, and all have about the 

Chapter 8 • Buffered and Isotonic Solutions 181 

same value for Liso, namely 3.4. As a result of this 
similarity between compounds of a given ionic type, a 
table can be arranged listing the L value for each class 
of electrolytes at a concentration that is isotonic with 
body fluids. The Liso values obtained in this way are 
foundin Table 8-3. 

It will be observed that for dilute solutions of. 
nonelectrolytes, L iso is approximately equal to Kf . Table 
8-3'is used to obtain the approximate 4Tffor asolution 
of a drug, if the ionic type can be correctly ascertained. 
A plot of iKf against molar concentration of various 
types of electrolytes, from which the values of Ljso can 
be read, is shown in Figure 6-7, p. 137. 

Example B- 11" What is the freezing point lowering of a 1%solution 
of sodium propionate (molecular weight 96)1 Since sodium propionate 
is a uni-univalent electrolyte, its L., value is 3.4. The molar 
concentration of a 1% solution of this compound is 0.104. 

 = 3.4 x 0.104 = 0.350 (8-38) 

Although 1 g per 100 mL of sodium propionate is not 
the isotonic concentration, it is still proper to use Liso as 
a simple average that agrees with the concentration 
range expected for the finished solution..The Selection 
of L values in this concentration region is not sensitive 
to minor changes in concentration; no pretense to an 
accuracy greater than about 10%is implied or needed in 
these calculations. 

The calculation of Example 8-11.may be simplified 
by expressing molarity c as grams of drug contained in 
a definite volume of solution. Thus 

it - molesM I o an y - liter 

_ weight in grams . volume in mL 
- molecular weight -;- 1000 mLniter (8-39) 

in g/mole 

or 

w 1000 c=--x--MW v 
(8-40) 

in which w is the grams of solute, MW is the molecular 
weight of the solute, and v is the volume of solution in 
milliliters. Substituting in equation (8-36) 

TABLE 8-3. Avera,e L/so Values for VariDus IDnic Types'" 

Type Examples 

Nonelectrolytes 1.9 Sucrose, glycerin, urea, camphor 
Weak electrolytes 2.0 Boric acid, cocaine, phenobarbital 
Oi-divalent electrolytes 2.0 Magnesium sulfate, zinc sulfate 
Uni-univalent electrolytes 3.4 Sodium chloride, cocaine 

hydrochloride, sodium 
phenobarbital 

Uni-divalent electrolytes 
Oi-univalent electrolytes 
Uni-trivalent electrolytes 
Tri-univalent electrolytes 
Tetraborate electrolytes 

4.3 
4.8 
5.2 
6.0 
7.6 

Sodium sulfate, atropine sulfate 
Zincchloride, calcium bromide 
Sodium citrate, sodium phosphate 
Aluminum chloride, ferric iodide 
Sodium borate, potassium borate 

*From J. M. Wells, J. Am. Pharm. Assoc., Praet. Ed.5, 99, 1944. 
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aT = L. x w x 1000 (8-41)f 180 MWxv 

The problem in Example (8-11) can be solved in one 
operation by the use Qf equation (8-41) without the 
added calculation needed to obtainthe molar concentra-
tion. 

1 x 1000 
4.Tf = 3.4 x 96 x 100 = 3.4 x 0.104 

= 0.350 

The student is encouraged to derive expressions of this 
type; certainly equations (8-40) and (8-41) should not 
be memorized, for they are not remembered long. The 
L iso values may also be used for calculating sodium 
chloride equivalents and Sprowls" V values, as dis-
cussed in subsequent sections of this chapter. 

METHODS OF ADJUSTING TONICITY AND pH 
One of several methods may be used to calculate the 

quantity of sodium chloride, dextrose, and other sub-
stances that may be added to solutions of drugs to 
render them isotonic. 

For discussion purposes, the methods are divided 
into two classes. In the Class I methods, sodium 
chloride or some other substance is added to the 
solution of the drug- to lower the freezing point of the 
solution to  and thus make it isotonic with body 
fluids. Under this class are included the CryoscOpic 
method and the Sodium Chloride Equivalent method. 
In the Class II methods, water is added to the drug in 
a sufficient amount to form an isotonic solution. The 
preparation is then brought to its final volume with an 
isotonic or a buffered isotonic dilution solution. In-
cluded in this class are the White-Vincent method and 
the Sprowls method. 

CIa. I MIIIIIods 

Cryoseopic Method. The freezing point depressions of 
a number of drug solutions, determined experimentally 
or theoretically, are found in Table 8-4. According to 
the previous section, the freezing point depressions of 
drug solutions that have not been determined experi-
mentally can be estimated from theoretic consider-
ations, knowing only the molecular weight of the drug 
and the L iso value of the ionic class. 

The calculations involved in the cryoscopic method 
are explained best by an example. 

EDmpl. B- 12. How much sodium chloride is required to render 
100mL of a 1% solution of apomorphine hydrochloride isotonicwith 
blood serum? 

From Table 8-4 it is found that a 1% solution of the drug has a 
freezingpoint lowering of O.OSO. To make this solution isotonicwith 
blood, sufficient sodiumchloride must be addedto reducethe freezing 
pointby an additional0.440 (0.52 - 0.08). In the freezing point table, 

it is also observed that a 1% solutionof sodiumchloridehas a freezing 
point lowering of o.l)8O. By the method of proportion, 

1% O.fi80X = 0.440 ; X = 0.76% 

Thus, a.76% sodium chloride will lower the freezing point the 
required 0.440 and will render the solution isotonic. The solution is 
prepared by dissolving1.0 g ofapomorphine hydrochloride and0.76g 
of sodiumchloride in sufficient water to make 100mL of solution. 

Sodium Chloride Equivalent Method. A second method 
for adjusting the tonicity of phannaceutical solutions 
was developed by Mellen and Seltzer.38 The sodium 
chloride equivalent or, as referred to by these workers, 
the "tonieic equivalent" of a drug is the amount of 
sodium chloride that is equivalent to (i.e., has the same 
osmotic effect as) I gram, or other weight unit, of the 
drug. The sodium chloride equivalents E for a number 
of drugs are listed in Table 8-4. 

When the E value for a new drug is desired for 
inclusion in Table 8-4, it can be calculated from the Liso 
value or freezing point depression of the drug according 
to the formulas derived by Goyan et al.39 For a solution 
containing I g of drug in 1000 mL of solution, the 
concentration c expressed in moles per liter may be 
written as 

c= Ig (842)
molecular weight -

and from equation (8-36) 

aT! = L· lK.180 MW 

Now E is the weight of NaCI with the same freezing 
point depression as 1 g of the drug, and for a NaCl 
solution containing E grams of drug per 1000 mL, 

E 
aT! = 3.4 58.45 (8-43) 

in which 3.4 is the L iso value for sodium chloride and 
58.45 is ,its molecular weight. Equating these two 
values of  yields 

Liso E 
MW = 3.4 58.45 (8-44) 

E "'" 17 4.0 (8-45)- MW 

ED.pI. B- 13. Calculate the approximate E value for a new 
amphetamine hydrochloridederivative (molecular weight 187). 

Since this drug is a uni-univalentsalt, it has anLiao valueof3.4. Its 
E value is calculated from equation (8-45): 

3.4E = 17 187 = 0.31 

Calculations for determining the amount of sodium 
chloride or other inert substance to render a solution 
isotonic (across an ideal membrane) simply involve 
multiplying the quantity of each drug in the prescrip-
tion by its sodium chloride equivalent   _ 
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Chapter8 • Buffered and IBOtonic -Solutions 183 

TABLE 8-4. ISDlDnic Values" 
Substance MW E V  u; 
Alcohol, dehydrated 
Aminophyll ine 

46.07 
456.46 

0.70 
0.17 

23.3 
5.7 

0.41 
0.10 

1.9 
4.6 

Ammonium chloride 53.50 1.08 36 0.64 3.4 
Amphetamine sulfate 368.49 0.22 7.3 0.13 4.8 

(benzedrine sulfate) 
Antipyrine 188.22 0.17 5.7 0.10 1.9 
Antistine hydrochloride 301.81 0.18 6.0 0.11 3.2 

(antazoline hydrochloride) 
Apomorphine hydrochloride 
Ascorbic acid 

312.79 
176.12 

0.14 
0.18 

4.7 
6.0 

0.08 
0.11 

2.6 
1.9 

Atropine sulfate 694.82 0.13 4J3 0.07 5.3 
Aureomycin hydrochloride 544 0.11 3.7 0.06 3.5 
Barbital sodium 206.18 0.29 10.0 0.29 3.5 
Benadryl hydrochloride 291.81 0.20  0.34 3.4 

(diphenhydramine hydrochloride) 
Boric acid 61.84 0.50 16.7 0.29 1.8 
Butacaine sulfate 710.95 0.20 6.7 0.12 8.4 

(butyn suIfate) 
Caffeine 194.19 0.08 2.7 0.05 0.9 
Caffeine and sodium benzoate 0.25 8.7 0.28 
Calcium chloride· 2H2O 
Calcium gluconate 

147.03 
448.39 

0.51 
0.16 

17.0 
5.3 

0.30 
0.09 

4.4 
4.2 

Calcium lactate 308.30 0.23 7.7 0.14 4.2 
Camphor 152.23 0.20 6.7 0.12 1.8 
Chloramphenicol (chloromycetin) 
Chlorobutanot (chloretone) 

323.14 
177.47 

0.10 
0.24 

3.3 
8.0 

0.06 
0.14 

1.9 
2.5 

Cocaine hydrochloride 339.81 0.16 5.3 0.09 3.2 
Cupric sulfate· 5H2O 
Dextrose· H2O 
Dibucaine hydrochloride 

249.69 
198.17 
379.92 

0.18 
0.16 
0.13 

6.0 
5.3 
4.3 

0.11 
0.09 
0.08 

2.6 
1.9 
2.9 

(nupercaine hydrochloride) 
Emetine hydrochloride 553.56 0.10 3.3 0.06 3.3 
Ephedrine hydrochloride 201.69 0.30 10.0 0.18 3.6 
Ephedrine sulfate 428.54 0.23 7.7 0.14 5.8 
Epinephrine bitartrate 333.29 0.18 6.0 0.11 3.5 
Epinephrine hydrochloride 219.66 0.29 9.7 0.17 3.7 
Ethylhydrocupreine hydrochloride 376.92 0.17 5.7 0.10 3.'8 

(optochin) 
Ethylmorphine hydrochloride (dionin) 385.88 0.16 5.3 0.09 3.6 
Eucatropine hydrochloride 327.84 0.18 6.0 0.11 3.5 

(euphthalmine hydrochloride) 
Fluorescein sodium 376 0.31 10.3 0.18 6.9 
Glycerin 92.09 0.34 11.3 0.20 1.8 
Homatropine hydrobromide 356.26 0.17 5.7 0.10 3.6 
Lactose 360.31 0.07 2.3 0.04 1.7 
Magnesium sulfate· 7H?O 246.50 0.17 5.7 0.10 2.5 
Menthol 156.2€ 0.20 6.7 0.12 1.8 
Meperidine hydrochloride 283.79 0.22 7.3 0.12 3.7 

(demerol hydrochloride) 
Mercuric chloride 271.52 0.13 4.3 0.08 2.1 

(mercury bichloride) 
MercJJric cyanide 252.65 0.15 5.0 0.09 2.2 
Mercuric succinimide 396.77 0.14 4.8 0.08 3.3 
Methacholine chloride 195.69 0.32 10.7 0.19  

(mecholyl chloride) 
Methamphetamine hydrochloride 185.69 0.37 12.3 0.22 4.0 

(desoxyephedrine hydrochloride) 
Metycaine hydrochloride 292.82 0.20 6.7 0.12 3.4 
Mild silver protein 0.18 6.0 0.11 
'Morphine hydrochloride 375.84 0.15 5.0 0.09 3.3 
Morphine suffate 758.82 0.14 4.8 0.08 6;2 
Naphazol ine hydroch loride 246.73 0.27 7.7 0.16 3.3 

(privine hydrochloride) 
Neomycin sulfate 0.11 3.7 0.06 
Neostigmine bromide 303.20 0.22 6.'0 0.11 3.2. 

(prostigmine bromide) 
Nicotinamide 122.13 0.26 8.7 0.15 1.9 
Penicillin G potassium 372.47 0.18 6.0 0.11 3.9 
Penicillin G Procaine 588.71 0.10 3.3 0.06 3.5 
Penicillin G sodium 356.38 0.18 6.0 0.11 3.8 
Phenacaine hydrochloride 352.85 0.20 5.3 0.11 3.3 

(holocaine hydrochloride) 
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184 Physical P1uJ,rmacy 

TABLE 8-4. (cDntinued) 

Substance MW  E V  u; 
Phenobarbital sodium 254.22  0.24 8.0 0.14 3.6 
Phenol 94.11  0.35 11.7 0.20 1.9 
Phenylephrine hydrochloride 203.67  0.32 9.7 0.18 3.5 

(neosynephrine hydrochloride) 
Physostigmine salicylate 413.46  0.16 5.3 0.09 3.9 
Physostigmine sulfate 648.45  0.13 4.3 0.08 5.0 
Pilocarpine nitrate 271.27'  0.23 7.7 0.14 3.7 
Potassium acid phosphate 136.13  0.43 14-.2 0.25 3.4 

(KH2P04) 
Potassium chloride 74.55  0.76 25.3 0.45 3.3 
Potassium iodide 166.02  0.34 11.3 0.20 3.3 
Procaine hydrochloride 272.77  0.21 7.0 0.12 3.4 
Quinine hydrochloride 396.91  0.14 4.7 0.08 3.3 
Quinine and urea hydrochloride 547.48  0.23 7.7 0.14 7.4 
Scopolamine hydrobromide 438.32  0.12 4.0 0.07 3.1 

(hyoscinehydrobromide) 
Silver nitrate 169.89  0.33 11.0 0.19 3.3 
Sodium acid phosphate 138.00  0.40 13.3 0.24 3.2 

(NaH2P04·H 2O) 
Sodium benzoate 144.11 0.40 13.3 0.24 3.4 
Sodium bicarbonate 84.00 0.65 21.7 0.38 3.2 
Sodium bisulfite 104.07 0.61 20.3 0.36 3.7 
Sodium borate·l0H2O 381.43 0.42 14.0 0.25 9.4 
Sodium chloride 58.45 1.00. 33.3 0.58 3.4 
Sodium iodide 149.9,2 0.39 13.0 0.23 3.4 
Sodium nitrate 85.01 0.68 '22.7 0.39 3.4 
Sodium phosphate, anhydrous 141.98 0.53 17.7 0.31 4.4 
Sodium phosphate·2H2O 178.05 0.42 14.0 0.25 4.4 
Sodium phosphate·7H2O 268.08 0.29 9.7 0.17 4.6 
Sodium phosphate·12H-2O 358.21 0.22 7.3 0.13 4.6 
Sodium propionate 96.07 0.61 20.3 0.36 3.4 
Sodium sulfite, exsiccated 126.06 0.65 21.7 0.38 4.8 
Streptomycin sulfate 1457.44 0.07 2.3 0.04 6.0 
Strongsilver protein 0.08 2.7 0.05 
Sucrose 342.30 0.08 2.7 0.05 1.6 
Sulfacetamide sodium 254.25 0.23 7.7 0.14 3.4 
Sulfadiazine sodium 272.27 0.24 8.0 0.14 3.8 
Sulfamerazinesodium 286.29 0.23 7.7 0.14 3.9 
Sulfanilamide 172.21 0.22 7.3 0.13 2.2 
Sulfathiazole sodium 304.33 0.22 7.3 0.13 3.9 
Tannic acid 0.03 1.0 0.02 
Tetracainehydrochloride 300.82 0.18 6.0 0.11 3.2 

(pontocaine hydrochloride) 
Tetracycline hydrochloride 480.92 0.14 4.7 0.08 4.0 
Tripelennamine hydrochloride 291.83 0.30 7.3 0.17 3.8 

(pyribenzamine hydrOChloride) 
Urea. 60.06 0.59 19.7 0.35 2.1 
Zinc chloride 139.29 0.62 20.3 0.37 5.1 
Zinc phenolsulfonate 555.84  0.18 6.0 0.11 5.9 
Zinc sulfate' 7H2O 287.56  0.15 5.0 0.09 2.5 

*The values in Table 8-4 have been obtained fromthe dataof E. R. Hammarlund and K. Pedersen-Bjergaard, J. Am. Pharm. Assoc., Pract. Ed. 19, 39, 1958; ibid., 
Sci. Ed.47, 107, 1958, andothersources. Thevalues vary somewhat with concentration, andthose in the tablearefor 1 to 3% solutions of the drugs in mostinstances. 
A complete table of E and AT, values is found in the Merck Index, 11th Edition, Merck, Rahway, NJ, 1989, pp. MISC-79 to  Forthe mostrecent results of 
Hammarlund, see J. Pharm. Sci. 70, 1161,1981; ibid. 78, 519, 1989. 

Key: MWis the  weightof the drug;E is the sodium chloride equivalent of the drug;V is thevolume in mLof isotonic solution that can be prepared byadding 
water to 0.3 g of the drug(the weight of drug in 1 fluid ounce of a 1% solution); A1,l% is the freeZing pointdepression of a 1% solution of the drug;andLlso is the molar 
freezing point depression of the drugat a concentration approximately isotonic with blood and lacrimal fluid. 

this value from the concentration, of sodium chloride  The ephedrine sulfate has contributed a weight of material osmoti-
cally equivalent to 0.23 g of sodium chloride, Since a total of 0.9 g of that is isotonic with body fluids, namely, 0.9 g/IOO mL. 
sodium chloride is required for isotonicity, 0.67 g (0.90 - 0.23) of 
NaCI must be added.£.um,l. B-14. A solution contains 1.0 g ephedrine sulfate in a 

If one desired to use dextrose instead of sodium chlonde to adjustvolume of 100 mL. What quantity of sodium chloride must be added 
the tonicity, the quantity would be estimated by setting up the to make the solution isotonic? How much dextrose would be required 

for this purpose? following proportion. Since the sodium chloride equivalent of dex-
trose is 0.16, The quantity of the drug is multiplied by its sodium chloride 

equivalent E, giving the weight of sodium chloride to which the 1 g dextrose _ X 
quantity of drug is equivalent in osmotic pressure 0)16 g NaCI - 0.67 g NaCI 

Ephedrine sulfate: 1.0 g x 0.23 = 0.23 g  X = 4.2 g of dextroo" 
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Chapter 8 • Buffered and Isotonic Solutions 185 

Other agents than dextrose may of course be used to 
replace NaCl. It is recognized that thimerosal becomes 
less stable in eye drops when a halogen salt is used as an 
"isotonicagent" (i.e., an agent like NaCI ordinarily used 
to adjust the tonicity of a drug solution). Reader40 

found that mannitol, propylene glycol, or glycerin-
isotonicagents that did not have a detrimental effect on 
the stability of thimerosal-could serve as alternatives 
to sodium chloride. The concentration of these agents 
for isotonicity is readily calculated by use of the 
equation (see Example 8-14): 

x = Y (additional amount of NaCl for isotonicity) (8-46) 
E (grams of NaCl equivalent to 1 g of the isotonic agent) 

where X is the grams of isotonic agent required to 
adjust the tonicity; Y is the additional amount of NaCI 
for isotonicity, over and above the osmotic equivalence 
of NaCI provided by the drugs in the solution; and 
E is the sodium chloride equivalence of the isotonic 
agent. 

Example 8- 15. Let us prepare 200 mL of an isotonic aqueous 
solution of thimerosal, molecular weight 404.84 g/mole. The concen-
tration of this antiinfective drug is 1:5000,or 0.2 g/1000 mL. The Lisa 

for such a compound, a salt of a weak acid and a strong base (a 1:1 
electrolyte), is 3.4 and the sodium chloride equivalent E is 

u; 3.4 
E = 17 MW = 17 404.84 = 0.143 

The quantity of thimerosal, 0.04 gram for the 200-rrlL solution, 
multiplied by its E value, gives the weight of NaCI to which the drug 
is osmotically equivalent: 

0.04 g thimerosal x 0.143 = 0.0057 g NaCI 

Since the total amount of NaCI needed for isotonicity is 0.9 g/1oo mL, 
or 1.8 g for the 200-mL solution, and since an equivalent of 0.0057 g 
of NaCI has been provided by the thimerosal, the additional amount 
of NaCI needed for isotonicity, Y, is 

Y = 1.80 g NaCI needed - 0.0057 g NaCI supplied by the drug 
= 1.794 g 

This is the additional amount of NaCI needed for isotonicity. The 
result, -1.8 g NaCI, shows that the concentration of thimerosal is so 
small that it contributes almost nothing to the isotonicity of the 
solution. Thus, a concentration of 0.9% NaCI or 1.8 g/200 mL is 
required. 

However, from the work of'Reader'" we know that sodium chloride 
interacts with mercury compounds such as thimerosal to reduce the 
stability and effectiveness of this preparation. Therefore, we have 
decided to replace NaCI with propylene glycol as the isotonic agent. 

From equation (8-45) we calculate the E value of propylene glycol, 
a nonelectrolyte with an Lisa value of 1.9 and a molecular weight of 
76.09g/mole. 

1.9 
E = 17 76.09 = 0.42 

Using equation (8-46), X = Y/E,  

X = 1.794/0.42 = 4.3 g  

in which X = 4.3 g is the amount of propylene glycol required to 
adjust the 200-mL solution of thimerosal to isotonicity. 

Thimerosal (merthiolate, sodium) 

Class II MethDds 

White-Vincent Method. The Class II methods of 
computing tonicity involve the addition of water to the 
drugs to make an .isotonic solution, followed by the 
addition of an isotonic or isotonic-buffered diluting 
vehicle to bring the solution to the final volume. 
Stimulated by the need to adjust the pH in addition to 
the tonicity of ophthalmic solutions, White and Vin-
cent" developed a simplified method for such calcula-
tions. The derivation of the equation is best shown as 
follows. 

Suppose that one wishes to make 30 mL of a 1% 
solution of procaine hydrochloride isotonic with body 
fluid. First, the weight of the drug w is multiplied by 
the sodium chloride equivalent E. 

0.3 g x 0.21 = 0.063 g (8-47) 
This is the quantity of sodium chloride osmotically 
equivalent to 0.3 g of procaine hydrochloride. 

Second, it is known that 0.9 g of- sodium chloride, 
when dissolved in enough water to make 100ml., yields 
a solution that is isotonic. The volume V of isotonic 
solution that can be prepared from 0.063 g of sodium 
chloride (equivalent to 0.3 g of procaine hydrochloride) 
is obtained by solving the proportion 

0.9 g _ 
100mL -

0.063 g 
V (8-48) 

V = 
1000.063 x 0.9 (8-49) 

V = 7.0 mL (8-50) 
In equation (8-49), the quantity 0.063 is equal to the 
weight of drug w multiplied by the sodium chloride 
equivalent E as seen in equation (8-47). The value of 
the ratio 100/0.9 is 111.1. Accordingly, equation (8-49) 
may be written 

V = w x E x 111.1 (8-51) 

in which V is the volume in milliliters of isotonic solution 
that may be prepared by mixing the drug with water, to 
the weight in grams of the drug given in the problem, 
and E the sodium chloride equivalent obtained from 
Table 8-4. The constant, 111.1, represents the volume 
in milliliters of isotonic solution obtained by dissolving 1 
g of sodium chloride in water. 

The problem may be solved in one step using 
equation (8-51): 

V = 0.3 x 0.21 x 111.1 

V = 7.0 mL 
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186 Physical Pharmacy  

TABLE 8-5. IslIIDnic amiIsotonic-Buffered OilutinlSolutions*  

Isotonic Diluting Solutions  
Isotonic sodium chloride solution . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . USP  
Dextrose solution . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 5.6%  
Sodium nitratesolution. . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . .... <. . 1.3%  
Ringer's solution. . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . USP  

Isotonic-Buffered Diluting Solutions 
Diluting Solution I, pH 4.7 

Used for saltssuch as those of epinephrine, cocaine, dionin, metycaine, nupercaine, optochin, phenacaine, pontocaine, procaine, 
physostigmine, syntropan, and zinc. For dispensing saltsof  andepinephrine, 2g of sodium bisulfite may be added to the 
solution to minimize discoloration. 

Boric acid, c.p, (H3B03 ) .•••..••..•••....•••..•....•...•..••.••• 20.0 g  
Suitable preservative, q.s, . . . . . . . . . . . . . . . . . . . . . . . . . . . . . ' ••• e , '. 

Sterile distilled water, q.s. ad . 1000 mL  
DilutingSolution II, pH 6.8  

Primarily used for saltsof pilocarpine, which arestabte for about a month in this buffer.  
Sodium acid phosphate (NaH2P04·H20) monohydrate . 4.60 g  
Disodium phosphate (Na2HP04) anhydrous . 4.73 g  
Sodium ch\loride, c.p. . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 4.80 g  
Suitable preservative, q.s. . . . . . . . . . . . . . . . . . . . . . . . .  
Sterile distilled water, q.s. ad _ . 1000 mL  

Diluting Solution III, pH 7.4 
May be used asa neutral collyrium or asa solvent for drugs that arestable in a neutral solution.  

Potassium acid phosphate (KH2P04)anhydrous. . . . . . . . . . . . ... . . . . . . . . . . . . . 1.90 g  
Disodium phosphate (Na;HP04)anhydrous..........................•... 8.10 g  
Sodium chloride, c.p . 4.11 g  
Suitable preservative, q.s. . .  
Sterile distilled water q.s, ad . 1000 mL  

DilutingSolution IV, pH 9  
Used where an alkaline buffer is desired for ophthalmic drugs.  

Boricacid . 0.43 g  
Sodium borate . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 4.20g  
Suitable preservative, q.s. ..  
Sterile distilled water, q.s, ad . 1000'mL  

*From H. W. Hindand F. M. Goyan, J. Am. Pharm. Assoc., Sci. Ed.38,33,413, 1947; H. W.HindandI. J. Szekely, J. Am. Pharm. Assoc., Pract. Ed. 14,644,1953; 
H. B. Kostenbauder, F. B. Gable and A. Martin, J. Am. Pharm. Assoc., Sci. Ed.42, 210, 1953. 

In order to complete the isotonic solution, enough 
isotonic sodium chloride solution, another isotonic solu-
tion, or an isotonic-buffered diluting solution is added to 
make 30 mL of the finished product. Several isotonic 
and isotonic-buffered diluting solutions are found in 
Table 8-5. These solutions all have isotonicity values of 
0.9% NaCl. 

When more than one ingredient is contained in an 
isotonic preparation, the volumes of isotonic solution, 
obtained by mixing each drug with water, are additive. 

ED"""••- 'B. Make the following solution isotonic with respect to 
an ideal membrane. 
Phenacaine hydrochloride . . . . . . . . . . . . . • . . . . . . . .0.06 g 
Boric acid 0.30 g 
Sterilized distilled water, enough to make . • . . . . • • . .100.0 mL 

V = [(0.06 x 0.20) + (0.3 x 0.50)] x 111.1 
V= 18mL 

The drugs are mixed with water to make 18 mL of an isotonic 
solution, and the preparation is brought to a volume of 100 mL by 
adding an  diluting solution. 

Sprowls Method. A further simplification of the 
method of White and Vincent was introduced by 
Sprowls.42 He recognized that equation (8-51) could be 
used  construct a table of values of V when the weight 

of the drug w was arbitrarily fixed. Sprowls chose as 
the weight of drug 0.3 g, the quantity for 1 fluid ounce 
of a 1% solution. The volume V of isotonic solution that 
can beprepared by mixing 0.3 g of a drug with sufficient 
water may be computed for drugs commonly used in 
ophthalmic and parenteral solutions. The method as 
described by Sprowls42 is further discussed in several 
reports by Martin and Sprowls43 It is now found in the 
U.S. Pharmacopeia, XXI, p. 1339. A modification of the 
original table has been made by Hammarlund and 
Pedersen-Bjergaard" and is given in column 4 of Table 
8-4, where the volume in milliliters of isotonic solution 
for 0.3 g of the drug, the quantity for 1 fluid ounce of a \ 
1% solution, is listed. (The volume of isotonic solution in 
millilitersfor 1 g of the drug can also be listed in tabular 
form if desired by multiplying the values in column 4 by 
3.3). The primary quantity of isotonic solution is finally 
.brought to the specified volume with the desired 
isotonic or isotonic-buffered diluting solutions. 
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2. D. D. Van Slyke, J. BiolChem, 52, 525, 1922. 
3. R.  G. Bates, E(,ectrometric pH Deterrninaticm8, Wiley, New  

York, 1954, pp. 97-104; pp. 116, 338.  
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PrDblems 
8-1. Onedesires to adjust a solutionto pH 8.8 by the useofa borie 

acid- sodiumborate buffer. What approximateratio of&cld and salt is 
required? 

Answer: The acid:salt ratio is 1:0.36 
8-2. What is the pH ofa solutioncontaining0.1 moleofephedrine 

and 0.01 moleof ephedrine hydrochloride per liter of solution? 
Answer: pH = 10.36 I 

8-3. (a) What is the pH of a buffer consistingof 0.12 M  
and 0.08 M  the former acting as the acid and the latter'as 
the salt or conjugate base (see Cohenet al.46)? (b) What is the value 
when the ionic strength corrections are made using the Debye-
Hiickellaw?Hint: Use equation (8-15). The valuefor n in the terms 
pKn and (2n - 1) is 2 in this problem since the second stage of 
ionization of phosphoric acid is involved. Thus the equation becomes 

[Na2HPO.] 0.51 x 3V; 
pH = 7.21 + log [NaHzPO.] - 1 +V; 

Answers: (a) pH = 7.03; (b) pH = 6.46 
8-4. What is the pH of an elixir containing0.002 molelliterof the 

free acid sulfisoxazole, and 0.20 molelliterof the 1:1salt sulfisoxazole 
diethanolamine? The pKa of the acid is 5.30. The activity coefficient 
'Vault can be obtained from the appropriate Debye-Hdekel equation 
for this ionicstrength. The effect of any alcohol in the elixir on the 
value of the dissociation constant may be neglected. 

Answer: pH = 7.14 
8-5. Ascorbic acid (molecular weight 176.12) is too acidic to 

administer by the parenteral route. The acidity of ascorbic acid is 
partially neutralized by adding a basic compound, usually sodium 
carbonate or sodium bicarbonate. Thus. the injectable product 
containssodiumascorbate, ascorbicacid, and the neutralizingagent. 
The molecular weight ofascorbicacid, together with its pKa, i$ found 
in Table 7-2. 

(a) What is the pH of an injectable solution containing only 
ascorbic acid in the concentrationof 65 g per liter of solution!K1 = 
5 X 10-6 and K2 = 1.6 X 10- 12 . 

(b) .What is the molar ratio of sodiumascorbate to aseorbie acid, 
and the percentage of each compound required to prepare an 
injectable solutionwith a pH of 5.71 

Answers: (a) pH = 2.40; (b) a 25.1:1 ratio of sodiumasc9rbate to 
ascorbic acid, or 96.2 molepercent sodiumascorbate and 3.8 percent 
of ascorbicacid 

8-6. Physostigminesalicylate is used in ophthalmic solutions as a 
mydriatic and to decrease the intraocular pressure in glaucoma. 

(a) What is the pH of a 0.5 percent aqueoussolutionof physostig-
minesalicylate, molecularweight 418.51 Thiscompound is tile salt of 
a weak acid, and the pH of the solution may be obtained using 
equation (7-127) as longas the concentrationof the salt, C., is much 
greater than [HaO+]. The acidity constant for the physostigmine 
cation,K., is 10- 14/(7.6 x 10-'7), and the acidityconstant for salicylic 
acid, K", is 1.06 X 10-a. The calculation of the pH ofa salt ofa weak 
base and a weak acid is demonstrated in Ezample 7-11. We can 
disregard the second step in the ionization of phyS08tigmine. 

('" How much is the pH increased by addition to the solution of 
0.1%physostigmine base, molecular weight 275.841 See the Hender-
son-Hasselbalch equation (8-10) for the pH of a solutionof a weak 
base and its correspondingsalt. 

Answers: (a) pH = 5.43; (b) an increase of 1.93 pH units 
8-7. The thennodynamic dissociation exponent pK1 for carbonic 

acidat 300 C is 6.38. According to Van Slykeet al.48 the ionic strength 
of the blood is roughly 0.16. Compute the apparent dissociation 
exponent pK'l to be used for the carbonic acid of blood at 800 C. 
Notice that the pH or -log aH+ is given by the expression 
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[HCOg-] 
pH = pKi + log [H ]

2COg

[HCOg-] 
= pK 1 + log [H 

2COg] + log "YHCOs-

Therefore, 

pKi = pK1 + log "Y(HC03- ) == pK1 -  

Answer: pKi = 6.13 
8-8. Plot the buffer capacity-pH curve for a barbituric acid-

sodium barbiturate buffer of total concentration 0.2 M over the range 
of pH 1 to 7. What is the maximum buffer capacity and at what pH 
does Pmax occur? 

Answer: Pmax = 0.115 and-it occurs at pH 3.98 
8-9. What is the buffer capacity of a solution containing 0.20 M 

acetic acid and 0.10 M sodium acetate? 
Answer:  = 0.15 
8-10. Your product research director asks you to prepare a buffer 

solution of pH 6.5 having a buffer capacity of 0.10. Choose a suitable 
combination of buffer species and compute the concentrations needed. 

One possible answer:  (salt) = 0.052 M 
NaH2P04 (acid) = 0.265 M 

8-11. To a buffer containing 0.1 molelliter each of sodium formate 
and formic acid, 0.01 gram equivalentlliter of sodium hydroxide was 
added. What is the average buffer capacity of the solution over this 
pH range? 

Answer:  = 0.111 (if pH is not rounded to 3.84 one may get 13 = 
0.115 instead of 0.111) 

8-12. What is the buffer capacity of a solution containing 0.36 M 
boric acid at a pH of7.0? What is the buffer capacity at pH 9.24, i.e., 
where pH = pKa?At what pH is f3 a maximum and what is the value 
of f3max? What is the buffer capacity at pH 10.8? Using the calculated 
values of p,plot the buffercapacity versus pH. If the student wishes 
to smooth the buffer curve a little better, he or she may also calculate 
f3 at pH 8.20 and at 10.0. When these six points are plotted on the 
graph and a smooth line is drawn through them, a bell-shaped buffer 
curve is obtained. See Figure 8-4 for the shapes of several buffer 
curves. 

Partial Answer: pat pH 7.0 = 0.0048; P at pH 8.2 = 0.064; Pat pH 
9.24 = 0.21; Pat pH 10.8 = 0.021, Pmax is found at pH 9.24 where pH 
=pKa ; Pmax = 0.576C =0.21. 

8-13. What is the buffer capacity for a Sorensen phosphate buffer 
(a) at pH 5.0 and (b) at pH 7.2? The total buffer concentration is 0.067 
M, and the dissociation constant is K2 = 6.2 X 10-8 

Answers: (a) p = 0.001; (b)  = 0.04 
8-14. A borate buffer contains 2.5 g of sodium chloride (molecular 

weight 58.5 g/mole); 2.8 g of sodium borate, decahydrate (molecular 
weight 381.43); 10.5 g of boric acid (molecular weight 61.84); and 
sufficient water to make 1000 mL of solution. Compute the pH of the 
solution (a) disregarding the ionic strength, and (b) taking into 
account the ionic strength. 

Answers: (a) pH disregarding ionic strength is 7.87; (b) including 
ionic strength, pH = 7.79 

8-15. Calculate the buffer capacity of an aqueous solution of the 
strong base sodium hydroxide having a hydroxyl ion concentration of 
3.0  x 10-3 molar. .. 

Answer: p = 0.0069 
8-16. (a) What is the final pH of a solution after mixing 10 r& of 

a O.IO-M HCI solution with 20 mL of a O.IO-M procaine solution? The 
pKb for procaine is found in Table 7-2. (b) Does the solution exhibit 
buffer capacity? 

Answers: (a) pH = 8.8; (b) f3max = 0.039; it shows a weak buffer 
capacity. . 

8-17. Assuming that the total bicarbonate buffer concentration in 
normal blood is about 0.026 molelliter, what would be the maximum 
buffer capacity of this buffer and at what pH would Pmax occur? 

Answer:  = 0.015 at pH 6.1 (see pp. 177, 178) 

8-18. Describe in detail how you would formulate a buffer having 
approximately the same pH, ionic strength, and buffer capacity as 
that of blood. The ionic strength of the blood plasma is about 0.16 and 
the buffer capacity in the physiologic pH range is approximately 0.03 
(p. 177). Use the buffer and pK2 of phosphoric 
acid. Activity coefficients must be considered, and the thermody.. 
namic pK2 of phosphoric acid must be used to obtain the answer. 

Answer: A mixture of 0.044  and 0.0105 NaH2P04 has a 
buffer capacity of 0.03 andprovides a pH of 7.4. The ionic strength of 
this mixture is 0.12. The ionic strength may be raised to 0.16 by the 
addition of 0.04 M NaCI or KCI. 

8-19. A titration is condueted beginning with 50 mL of 0.2 N acetic 
acid and adding (a) 10 mL; (b) 25 mL; (e) 50 mL; and (d) 50.1 mL of 
0.2 N NaOH. What is the pH after each increment of base has been 
added? 

Answers: (a) 4.16; (b) 4.76; (e) 8.88; (d) 10.3 
8-20. Plot the pH titration curve for the neutralization of.O.l N 

barbituric acid by 0.1 N NaOH. What is the pH of the solution at the 
equivalence point? 

Answer: pH = 8.34 
8-21. A 1 fluid ounce (29.573 mL) solution contains 4.5 grains 

(291.60 mg) of silver nitrate. How much sodium nitrate must be added 
to this solution to make it isotonic with nasal fluid? Assume that nasal 
fluid has an isotonicity value of 0.9% NaCl. 

Answer: 3.83 grains = 248 mg 
8-22. Compute the Sprowls V value, the E value, and the freezing 

point depression of a 1% solution of diphenhydramine hydrochloride. 
Answer: V = 6.7 mL, E = 0.20, 4Tf = 0.12 
8-23. A 25% solution of phenylpropanolamine hydrochloride is 

prepared. The physician desires that 0.25 fluid ounce (7.393 mL) of 
this solution be made isotonic and adjusted to a pH of 6.8. The 
Sprowls V value is 12.7. Discuss the difficulties that are encountered 
in filling the physician's request. How might these difficulties be 
overcome? 

8-24. (a) Compute the isotonic concentration (molarity) from the 
Liso values given in Table 8-4 for the following substances: sodium 
borate'10H20 (sodium tetraborate), phenylephrine hydrochloride, 
physostigmine sulfate, and calcium gluconate. 

(b) What is the volume of water that should be added to 0.3 gram 
of these substances to produce an isotonic solution? 

Partial Answer: (a) 0.0553, 0.149, 0.104, 0.124 molelliter; (b) 
check your results against Table 8-4-they may differ from the table 
values. 

8-25. Compute the freezing point depression of 1% solutions of the 
following drugs: (a) ascorbic acid, (b) calcium chloride, (e) ephedrine 
sulfate, and (d) methacholine chloride. The percentages of sodium 
chloride required to make 100 mL of 1% solutions of these drugs 
isotonic are 0.81%, 0.48%, 0.76%, and 0.67%, respectively. Hint: 
Refer to Example 8-11. 

Answers: Check your results against Table 8-4. 
8-26. (a) Compute the approximate sodium chloride equivalent of 

MgO (molecular weight = 40.3 g/mole), ZnCl2 (molecular weight = 
136.3 g/mole), Al(OH)3 (molecular weight = 77.98 g/mole), and 
isoniazid (a tuberculostatic drug, weak electrolyte, molecular 
weight = 137.2 g/mole), using the average L iso values given in Table 
8-3. (b) From the E value you calculated in (a), compute the freezing 
point depression of a 1%'solution of these drugs. (e) Can one actually 
obtain a 1% aqueous solution of MgO or Al(OH)s? 

Answers: (a) E = 0.84, 0.60, 1.-S1, and 0.25; (b) 4Tf 
1% ;::: 0.49° C, 

0.35° C, 0.76° C, and 0.15° C 
8-27. Using the sodium chloride equivalent method, make the 

following solutions isotonic with respect to the mucous lining of the 
eye (ocular membrane). 

(8)  Tetracaine hydrochloride 10 grams 
NaCI x grams 
Sterilize distilled water, enough to make 1000 mL 

(b)  Tetracaine hydrochloride 0.10 gram 
Boric acid x grams 
Sterile distilled water, enough to make 10 mL 
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AnBWer8: (a) add 7.2 grams of NaCI; (b) add 0.14 gram of boric 
acid. 

8-28. Make the following solution isotonic with respect to blood: 

Chlorpromazine hydrochloride 2.5 grams 
Ascorbic acid 0.2 gram 
Sodium bisulfite 0.1 gram 
Sodium sulfate, anhydrous 0.1 gram 
Sterile distilled water, enough to make l00mL 

Hint: First, compute the E values of chlorpromazine HCI and 
sodium sulfate, not given in Table 8-4, from the approximate L iso 
values given in Table  The molecular weight of chlorpromazine 
hydrochloride is 318.9 daltons* and the molecular weight of sodium 
sulfate is 142.06 daltons. 

Answer: Dissolve the drugs in 66.44 mL of water. This solution is 
isotonic. Add 0.3 gram of NaCI and bring to a volume of 100 mL. 

8-29. A new drug having a molecular weight of 30Q g/mole 
produced a freezing point depression  C in a 0.145-M solution. 
What are the calculated Liso value, the E value, and the V value for 
this drug? 

Answer: Liso = 3.6, E = 0.20, V = 6.7 mL 
8-30. Using the sodium chloride method, calculate the grams of 

sodium chloride needed to make 30 mL of a 2% isotonic physostigmine 
salicylate solution. 

Answer: 0.174 gram 
8-31. Compute the percent nonionized aminophylline (pKb = 5.0 

and molecular weight 421.2 daltons) and its molar concentration after 
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intravenous injection of 10 mL of an aqueous 2.5 w/v solution of 
aminophylline at 25° C. The normal pH of blood is about 7.4 and the 
total blood volume is approximately 5 liters. UBe the Henderson-
Hasselbalch equation in the form 

[BH+]
pH = pKw -. pKb - log [Bf 

[BH+]. h . f· nized to . nized d where --]- IS t e ratio 0 10 . nomo rug.
[B 

CH2-NH2 
• I 

CH2-NH2 

2 

Aminophylline 

Answer: Percent of nonionized aminophylline = 2.5%, correspond-
ing to 3.0 x 10-6 molelliter. 

*The word dalton is used in connection with molecular weight: 1 
dalton = 1 g/mole. 
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10  
Solubility and Distribution Phenomena  

General Principles Solubility of Nonionic Solids in Liquids 
Solvent-Solute Interactions Distribution of Solutes Between Immiscible 
Solubility of Gases in Liquids Solvents 
Solubility of Liquids in Liquids 

The topic of solutions was introduced in Chapter 5. 
We must now look at solutions in a more quantitative 
manner so as to understand the theory and applications 
of the phenomenon of solubility. Such knowledge is 
important to the pharmacist, for it permits him to 
choose the best solvent medium for a drug or combina-
tion of drugs, helps in overcoming certain difficulties 
that arise in the preparation of pharmaceutical solu-
tions, and, furthermore, can serve as a standard or test 
of purity. A detailed study of solubility and related 
properties also yields information about the structure 
and intermolecular forces of drugs. 

The solubility of a compound depends upon the 
physical and chemical properties of the solute and the 
solvent, as well as upon such factors as temperature, 
pressure, the pH of the solution, and, to a lesser extent, 
the state of subdivision of the solute. 

Of the nine possible types of mixtures, based on the 
three states of matter (p. 102), only gases in liquids, 
liquids in liquids, and solids in liquids are of particular 
pharmaceutical importance and will be considered in 
this chapter. 

GENERAL PRINCIPLES 
Definitions. -A saturated solution is one in which the 

solute is in equilibrium with the solid phase (solute). 
Solubility is "defined in quantitative terms as the 
concentration of solute in a saturated solution at a 
certain temperature, and in a qualitative way, it may be 
defined as the spontaneous interaction of two or more 
substances to form a homogeneous molecular disper-
sion. 

An unsaturated or subsaturated solution is one 
containing the dissolved solute in a concentration below 

that necessary for complete saturation at a definite 
temperature. 

A supersaturated solution is one that contains more 
of the dissolved solute than it would normally contain at 
a definite temperature, were the undissolved solute 
present. Some salts such as sodium thiosulfate and 
sodium acetate can be dissolved in large amounts at an 
elevated temperature and, upon cooling, fail to crystal-
lize from the solution. Such supersaturated solutions 
can be converted to stable saturated solutions by 
seeding the solution with a crystal of solute,' by 
vigorous agitation, or by scratching the walls of the 
container. Supersaturation presumably occurs when 
the small nuclei of the solute required for the initiation 
of crystal formation are more soluble than larger 
crystals, making it difficult for the nuclei to form and 
grow with resultant failure of crystallization, 

The Phase Rule. Solubility may be described in a 
concise manner by use of Gibbs' phase rule, which was 
described on page 37. 

F=C-P+2 (10-1) 

in which F is the number ofdegrees offreedom, that is, 
the number of independent variables (usually tempera-
ture, pressure, and concentration) that must be fixed to 
completely determine the system, C is the smallest 
number of components that are adequate to describe 
the chemical composition of each phase; and P is the 
number of phases. The application 'of the phase rule to 
the miscibility of liquids is described on pages 40, 41 and 
the application to solutions of solids in liquids is given 
on p. 41. 

Solubility Expressions. The solubility of a drug may be 
expressed in a number of ways. The U. S. Pharmacopeia 
and National Formulary list the solubility of drugs as 
the number of milliliters of solvent in which 1 gram of 

212 
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TABLE 10-1. Terms of ApprDximate SDlubility 

Parts of Solvent Required 
Term for 1 Part of Solute 

Verysoluble Less than 1 part 
Freely soluble 1 to 10 parts 
Soluble 10 to 30 parts 
Sparingly soluble 30 to 100 parts 
Slightly soluble 100 to 1000 parts 
Veryslightly soluble 1000 to 10,000 parts 
Practically insoluble, or insoluble More than 10,000 parts 

solute will dissolve. For example, the solubility of boric 
acid is given in the U.S. Pharmacopeia as follows: 1 g of 
boric acid dissolves in 18 mL of water, in 18 mL of 
alcohol, and in 4 mL of glycerin. Solubility is also 
quantitatively expressed in terms of molality, molarity, 
and percentage (p. 103). 

For substances whose solubilities are not definitely 
known, the values are described in pharmaceutical 
compendia by the use of certain general terms, as given 
in Table 10-1. Solubilities of drugs are found expressed 
in various units in the Merck Index. For exact solubil-
ities of many substances, the reader is referred to the 
works of Seidell, Landolt-Bornstein, International 
Critical Tables, Lange's Handbook of Chemistry, and 
the GRG Handbook of Chemistry and Physics. Tech-
niques suitable for accurately determining the solubili-
ties of solid compounds in liquids and the mutual 
solubilities of two liquids have been described by Mader 
and Grady.' 

SOLVENT- SOLUTE INTERACTIONS 
The reader should review pages 22 to 24 in Chap-

ter 2 Oil: intermolecular forces before continuing with 
this section. The pharmacist knows that water is a 
good solvent for salts, sugars, and similar compounds, 
whereas mineral oil and benzene are often solvents for 
substances that are normally only slightly soluble in 
water. These empiric findings are summarized in the 
statement: "like dissolves like." Such a maxim is 
satisfying to most of us, but the occasional inquisitive 
student may be troubled by this vague idea of "like-
ness." If he sets out to learn in what manner the solute 
and solvent are alike, he will find himself in a fascinat-
ing area of scientific investigation that is still in an 
unsettled state. The advanced student who is inter-
ested in this subject may wish to consult the books by 
Hildebrand and Scott," Leusaing," and Dack." 

Polar Solvents. The solubility of a drug is due in large 
measure to the polarity of the solvent, that is, to its 
dipole moment. Polar solvents dissolve ionic solutes and 
other polar substances. Accordingly, water mixes in all 
proportions with alcohol and dissolves sugars and other 
polyhydroxy compounds. 
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Hildebrand has shown, however, that a consideration 
of dipole moments alone is not adequate to explain the 
solubility of polar substances in water. The ability of 
the solute to form hydrogen bonds is a far more 
influential factor than is the polarity as reflected in a 
high dipole moment. Although nitrobenzene has a 
dipole moment of 4.2 x 10-18 esu em and phenol a value 
of only 1.7 x 10-18 esu em, nitrobenzene is soluble only 
to the extent of 0.0165 mole/kg in water, while phenol is 
soluble to the extent of 0.95 mole/kg at 200 C. 

Water dissolves phenols, alcohols, aldehydes, ke-
tones, amines, and other oxygen- and nitrogen-contain-
ing compounds that can form hydrogen bonds with 
water. 

H H 
I I 

R-O··· ·H-O···· 
Alcohol 

H H 
I I 

R-C=O··· ·H-O···· 
Aldehyde 

H
HgC, I 

C=O··· ·H-O···· 
HgC/' 

Ketone 

H 
I 

RgN··· ·H-O···· 
Amine 

A difference in acidic and basic character of the 
constituents in the Lewis electron donor-acceptor 
sense also contributes to specific interactions in solu-
tions. 

The molecules of water in ice are joined together by-
hydrogen bonds to yield a tetrahedral structure. Al-
though some of the hydrogen bonds are broken when 
ice melts, water still retains its ice-like structure in 
large measure at ordinary temperatures. This quasi-
crystalline structure is broken down when water is 
mixed with another substance that is capable of hydro-
gen bonding. When ethyl alcohol and water are mixed, 
the hydrogen bonds between the water molecules are 
replaced partly by hydrogen bonds between water and 
alcohol molecules. 

In addition to the factors already enumerated, the 
solubility of a substance also depends on structural 
features such as the ratio of the polar to nonpolar 
groups of the molecule. As the length of a nonpolar 
chain of an aliphatic alcohol increases, the solubility of 
the compound in water decreases. Straight-chain mono-
hydroxy alcohols, aldehydes, ketones, and acids with 
more than four or five carbons cannot enter into the 
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214 Physical Pharmacy 

hydrogen-bonded structure of water and hence are only 
slightly soluble. When additional polar- groups are 
present in the molecule, as found in propylene glycol,. 
glycerin, and tartaric acid, water solubility increases 
greatly. Branching of the carbon chain reduces the 
nonpolar effect and leads to increased water solubility. 
Tertiary butyl alcohol is miscible in all proportions with 
water, whereas n-butyl alcohol dissolves to the extent 
of about 8 g/lOO mL of water at 20° C. 

In brief, polar solvents such as water act as solvents 
according to the following mechanisms. 5 

(a) Owing to their high dielectric constant, namely 
about 80 for water, polar solvents reduce the force of 
attraction between oppositely charged ions "in crystals 
such as sodium chloride (p. 30). Chloroform has a 
dielectric constant of 5 and benzene one of about 2; 
hence, ionic compounds are practically insoluble in 
these solvents. 

(b) Polar solvents break covalent bonds of potentially 
strong electrolytes by acid- base reactions since these 
solvents are amphiprotic (p. 143). For example, water 
brings about the ionization of HCI as follows: 

Hel + H20  HgO+ + CI-

Weak organic acids are not ionized appreciably by 
water; their partial solubility is attributed instead to 
the hydrogen bond formation with water. Phenols and 
carboxylic acids, however, are readily dissolved in 
solutions of strong bases. 

II ° R-C-OH + H20  negligible 

° 0II  II R-C-OH + NaOH  R-C-O-Na+ 

(c) Finally, polar solvents are capable of solvating 
molecules and ions through dipole interaction forces, 

particularly hydrogen-bond formation, which leads to 
the solubility of the compound. The solute must be polar 
in nature since it often must compete for the bonds of 
the already associated solvent molecules if it is to win a 
place in the associated structure. The ion-dipole inter-
action between the sodium salt of oleic acid and water 
may be depicted as 

o + 
C17H33---d4 -Na+ + n@ :;=: 

Nonpolar Solvents. The solvent action of nonpolar 
liquids, such as the hydrocarbons, differs from that of 
polar substances. Nonpolar solvents are unable to 
reduce the attraction between the ions of strong and 
weak electrolytes because of the solvents' low dielectric 
constants. Nor can the solvents break covalent bonds 
and ionize weak electrolytes since they belong to the 
group known as aprotic solvents (p. 143), and they 
cannot form hydrogen bridges with nonelectrolytes. 
Hence, ionic and polar solutes are not soluble or are 
only slightly soluble in nonpolar solvents. 

Nonpolar compounds, however, can dissolve nonpo-
lar solutes with similar internal pressures (p. 224) 
through induced dipole interactions. The solute mole-
cules are kept in solution by the weak van der 
Waals-London type of forces (p. 22). Thus, oils and fats 
dissolve in carbon tetrachloride, benzene, and mineral 
oil, Alkaloidal bases and fatty acids also dissolve in 
nonpolar solvents. 

Semlpolar Solvents. Semipolar solvents, such as ke-
tones and alcohols, can induce a certain degree of 
polarity in nonpolar solvent molecules, so that, for 

TABLE 10-2. Polarity of Some Solvents and the Splutes That Readily Dissolve in Each Class of Solvent 
i 

Dielectric 
Constant 
of Solvent 
E (approx.) Solvent 

80 Water 

50 Glycols 

30 Methyl and ethyl alcohols 

20 Aldehydes, ketones and 
higher alcohols, ethers, 
esters, and oxides 

5 Hexane, benzene, carbon 
tetrach loride, ethyl ether, 
petroleum ether 

Solute 

Inorganic salts, organic salts 

Sugars, tannins 
 :.cCaster oiI, waxes  :::J 

(5 
enResins, volati Ie oiIs, weak ... ...,electrolytes includingbarbi- Q,) 

cv 
turates, alkaloids, and phenols  

DOc: 
Fixed oils, fats, petrolatum, ·en 

!paraffin, otherhydrocarbons 
 

o  Mineral oil and 
fixed vegetable oils 1 
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example, benzene, which is readily polarizable, be-
comes soluble in alcohol. In fact, semipolar compounds 
may act as intermediate solvents to bring about misci-
bility of polar and nonpolar liquids. Accordingly, ace-
tone increases the solubility of ether in water. Loran 
and Guth" studied the intermediate solvent action of 
alcohol on water-castor oil mixtures. Propylene glycol 
has been shown to increase the mutual solubility of 
water and peppermint oil and water and benzyl ben-
zoate.? 

Summary. The simple maxim that like dissolves like 
can now be rephrased by stating that the solubility of a 
substance may be predicted only in a qualitative way in 
most cases and only after considerations of polarity, 
dielectric constant, association, solvation, internal pres-
sures, acid-base reactions, and other factors. In short, 
solubility depends on chemical, electrical, and struc-
tural effects that lead to mutual interactions between 
the solute and solvent. 

A number of common solvent types are listed in the 
order of decreasing "polarity" in Table 10-2, together 
with corresponding solute classes. The term polarity is 
loosely used here to represent not only dielectric 
constants of.the solvents and solutes but also the other 
factors enumerated previously. 

SOLUBILITY OF GASES IN LIQUIDS 
Pharmaceutical solutions of gases include hydrochlo-

ric acid, ammonia water, and effervescent  
containing carbon dioxide that are dissolved and main-
tained in solution under positive pressure. Aerosol 
products in which the propellant is either carbon 
dioxide or nitrogen, some of which is dissolved under 
pressure, can also be considered to fall under this 
classification. 

The solubility of a gas in a liquid is the concentration 
of the dissolved gas when it is in equilibriuni with some 
of the pure gas above the solution. The 'Solubility 
depends 'primarily on the pressure, temperature, pres-
ence of salts, and chemical reactions that the gas 
sometimes undergoes with the solvent. 

Effect of Pressure. The pressure of a gas above the 
solution is an important consideration in gaseous solu-
tions since it changes the solubility of the dissolved gas 
in equilibrium with it. The effect of the pressure on the 
solubility of a gas is expressed by Henry's law, which, 
states that in a very dilute solution at constant 
temperature, the concentration of dissolved gas is 
proportional to the partial pressure of the gas above the 
solution at equilibrium. The partial pressure of the gas 
is obtained by subtracting the vapor pressure of the. 
solvent from the total pressure above the solution. IfC2 
is the concentration of the dissolved gas in grams per 
liter of solvent and p is the partial pressure in 
millimeters of the undissolved gas above the solution, 
Henry's relationship may be written as 

Chapter 10 • Solubility and Distribution Phenomena 215 

C2 = up (10-2) 

in which (1 is the inverse of the Henry's law constant, k 
(p. 109). It is sometimes referred to as the solubility 
coefficient. Mole fraction is more properly used here, 
but in dilute solutions, molarity may be used. 

The significance of Henry's law for the pharmacist 
rests upon the fact that the solubility of a gas increases 
directly as the pressure on the gas, and conversely, that 
the solubility of the gas decreases, ,so that sometimes 
the gas escapes with violence when the pressure above 
the solution is released. This phenomenon is commonly 
recognized in effervescent solutions when the stopper 
of the container is removed. 

Effect of Temperature. Temperature also has a marked 
influence on the solubility of a gas in a liquid. As the 
temperature increases, the solubility of most gases 
decreases, owing to the greater tendency of the gas to 
expand. The property of expansion, coupled with the 
pre.eure phenomenon, requires that- the pharmacist 
exercise caution in opening containers of .gaseous 
solutions in warm climates and under otherconditions 
of elevated temperatures. A vessel containing a gas-
eous solution or a liquid with a high vapor pressure, 
such as ethyl nitrite, should be immersed in ice or cold 
water for some time to reduce the temperature and 
pressure of the gas before .opening the container. 

Salting Out. Gases are often liberated from solutions 
in which they are dissolved by the introduction of an 
electrolyte such as sodium chloride and sometimes by a 
nonelectrolyte such as sucrose. This phenomenon is 
known as salting out. The salting-out effect may be 
demonstrated by adding a small amount of salt to a 
"carbonated" solution. The resultant escape of gas is 
due to the attraction of the salt ions or the highly polar 
nonelectrolyte for the water molecules, which reduces 
the density of the aqueous environment adjacent to the 
gas molecules. Salting out may also occur in solutions of 
liquids in liquids and solids in liquids. 

Effect of Chemical Reaction. Henry's law applies 
strictly to gases that are only slightly soluble in solution 
and that do not react in any way in the solvent. Gases 
such as hydrogen chloride, ammonia, and carbon diox-
ide show deviations as a result of chemical reaction 
between the gas and solvent, usually with a resultant 
increase in solubility. Accordingly, hydrogen chloride is 
about 10,000 times more soluble in water than is 
oxygen. 

Solubility Calculations. The solubility of a gas in a 
liquid may be expressed either by the inverse Henry's 
law constant (1 or by the Bunsen absorption coefficient 
Q. The Bunsen coefficient is defined as the volume of gas 
in liters (reduced to standard conditions of 00 C and 760 
mm pressure) that dissolves in 1 liter of solvent under 
a partial pressure of 1 atmosphere of the gas at a 
definite temperature. 

Vgas,STP (10-3) 

Vsoln 
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216 Physical Pharmacy 

TABLE 10-3. ""'sen Coefficients (a) for Bases in Water attr 
a1lll25°C 

a 

Gas 0° C 25° C 

H2 0.0215 0.0175 
N2 0.0235 0.0143 
O2 0.0478 0.0284 
CO2 1.713 0.759 

in which Vgas is the volume of gas at standard temper-
ature and pressure, STP, dissolved in a volume Vsoln of 
solution at a partial gas pressure p. The Bunsen 
coefficients a for some gases in water at 0° and 25°C are 
found in Table 10-3. The application of Henry's law and 
the calculation of (J' and a are illustrated in the following 
example. 

Eia•• 10- I. If0.0160 g of oxygen dissolves in 1 liter of water at 
a temperature of 25° C and at an oxygen pressure of 300 mm Hg, 
calculate (a) a and (b) the Bunsen coefficient, a 
(a) 

C2 (g/liter) 
a= 

p(mm Hg) 
0.0160 = 300 = 5.33 X 10- 5 

(b) To compute the Bunsen coefficient, one must first reduce the 
volume of gas to STP. According to the ideal gas equation, V = nRT/p 

0.:60 x 0.08205 x 273.15 

Vpa,STP = 1 atm 

= 0.0112 at STP 
and from equation (10-3) 

a = Vgas = 0.0112 = 0.0284 
VsolnP 1 300x-

760 
(c) How many grams of oxygen can be dissolved in 250 mL of 

aqueous solution when the total pressure above the mixture is 760 
mm Hg? The partial pressure of oxygen in the solution is 0.263 atm, 
and the temperature is 25° C. 

_ X "-5 _ C2 (glHter)  
a - 5.33 10 - (0.263 x 760) mm  

C2 = 0.0107 g/liter or 0.0027 gl250 mL 

Oxygen is carried in the human body (a) as dissolved 
gas in the contents of the red blood 'cells and (b) as O2 
molecules bound to .the iron atom of the heme part of 
hemoglobin. Shown here is part of the heme molecule of 

NN-Fe+2 -0-0 

R (10-4) 

tion of O2 dissolved in the blood ([a] above) regulates 
the uptake and release of' oxygen by the iron atoms in 
hemoglobin ([b] above). 

Exampl. 10-2. The partial. -por pressure', p, of oxygen in the 
blood is 75 mm Hg and the percent saturation of O2 in the red blood 
cells has been determined to be 92.8%. What is the concentration of 
O2 dissolved in the red blood cells (rbc's), exclusive of the binding of 
O2 by the iron of hemoglobin? 

The solubility coefficient, a (inverse Henry's law constant), may be 
expressed in volume (em'') at a definite temperature and pressure 
rather than mass (grams or moles) of gasdissolved in the solvent. The 
value of a at 370C for O2 is 4.1 X 10-5 em"0?!cm3 rbc contentJmm Hg. 
Here, the solubility coefficient is actually more closely related to the 
Bunsen coefficient a than to the inverse Henry's law constant a. 
From equation (10-2): 

oxygen cone, C2 = (4.1 X 10- 5 cm3 solute/em" rbclmm Hg) 
x (75 mm Hg, O2 pressure in blood) 

C2 = 3.075 X 10-3 cm3 02l'cm3 rbc content 
However, we learned above that O2 in the rbc's is at only 92.8% of 
saturation. Therefore, C2 = 0.928 x (3.075 x 10- 3) =2.85 X 10-3 em" 
0?!cm3 rbc content at a pressure of 75 mm Hg in the blood. 

We now consider the second, and more significant, avenue for the 
transport of '02 in the blood. The combining capacity has been 
determined to be 0.40 em" of O2 per em"of rbc's; and at the partial 
pressure of oxygen of 75 mm Hg, the saturation of O2 on the heme 
iron sites is not 100% but rather 18.7%. Thus, 

(0.40 em"0?!cm3 rbc content)(O.187) = 0.075 em" 
Although this may appear to be a small and inefficient binding of O2 

to hemoglobin, when compared with (a) above (the transport of O2 by 
solution in the bulk content of the red blood cells), the hemoglobin 
binding as an O2 transport system is 26 times more effective in 
carrying O2 to the various tissues of the body: 

0.075 cm3 02l'cm3 rbc content . = 26.3' 
0.00285 cm3 Oicm3 rbc content 

Tables 10-4 and 10-5 give the k values for a number 
of gases in the solvents water and benzene. Several 
examples follow, showing the calculation of the Henry's 
law constant, k, and the solubilities of gases expressed 
in mole fraction, molality, or molarity and in grams of 
solute per liter of solution. The gaseous solutions that 
follow Henry's law are so dilute that essentially no 
difference exists between molarity and molality. 

The Henry's law constant k as found in columns 3 and 
4 of Table 10-4 may be represented as 

k = 112X2 

_ pressure of gas (solute) in torrs or atmospheres 
- mole fraction of the gas in solution 

(10-5) 

and the constant k in columns 5 and 6 as 

P2k=--corm 
hemoglobin demonstrating the binding of two atoms of = pressure of gas (solute) in torrs oxygen to the iron atom." Hemoglobin is made up of molarity, molality, or glliter of gas in solution four heme molecules and so has four iron atoms with  
which to bind four molecules of oxygen. The concentra- (10-6)  
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Chapter 10 • Solubility and Distribution Phenomena 217 

TABLE 10-4. Henry's Law Con""'" for Bases in Water at 25° C* 

mm Hg (torrs) per mm Hg (torrs) per  
Molecular mm Hg(torrs) per Atm Pressure per Molalityor Molarity of Gas per Kilogram H20 or per 

Gas Weight Mole Fraction of Gas Mole Fraction of Gas of Gas Lit'!r of Solution 

H2 2.02 5.34 x 107 7.03 X 104 9.62 X 105 4.76 X 105 

He 4.00 1.10 x lOS 1.45 X 105 1.99 X 106 4.98 X 105 

N2 28.01 6.51 x 107 8.57 X 104 1.17 X 106 4.18 X 104 

O2 32.00 3.30 x 107 4.34 X 104 5.94 X 105 1.86 X 104 

CO 28.01 4.34 x 107 5.71 X 104 7.82 X 105 2.79 X 104 

CO2 44.01 1.25 x 106 1.64 X 103 2.24 X 104 5.09 X 102 

CH4 16.04 31.4 x 106 4.13 X 104 5.65 X 105 3.52 X 104 

C2H 6 30.07 23.0 x 106 3.03 X 104 4.15 X 105 1.38 X 104 

*AfterF. Daniels and R. A: Alberty, Physical Chem.istry, Wiley, New York, 1955, p. 200. 

TABLE 10-5. Henry's Law Constants for Sases in Benzene at 
25°C* 

mm Hg (torrs) per 
Gas Mole Fraction of Gas 

2.75 X 106 

1.79 X 106 

1.22 X 106 

8.57 X 104 

4.27 X 105 

*AfterF.Daniels andR.A.Alberty, Physical Chemistry, Wiley, New York, 1955, 
p.200. 

Although the k values for CO2 are found in Table 10-4, 
this gas is too soluble to adhere well to Henry's law. 

The inverse Henry's law constant (J' is not listed for 
the gases in Table 10-4; it is obtained in each. case 
simply by taking the reciprocal of k found in the table. 
The k values for gases dissolved in solvents other than 
water may be found in the literature. The k values for 
several gases in the solvent benzene, at 25°C, are listed 
in Table 10-5. 

Exampl, 10- 3. (a) What is the solubility of oxygen in water at 1 atm 
pressure at a temperature of 25° C? Express the results in both 
molality and molarity. . 

Usefulequations for converting from mole function X2 to molality 
m and to molarity c are 

1000 X2 1000P X2 
m = and c = ------M 1 (1 - X2) M t(l -  + MaX2 

where M1 is the molecular weight of. the solvent, M2 that of the 
solute, and p is the density of the solution. In a solution sufficiently 
dilute for Henry's law to apply, p is essentially 1.0 and  may be 
ignored in the equation for c. Thus, molality and molarity are roughly 
equal in dilute solution. 

Using k from.Table 10-4, we find the solubility of O2 in water at 1 
atm and '25° C using the proportion 

4.34 x 10' atmlmole fraction = 1  X2 = 2.30 X 10- 6 

5 
molalit m = 1000(2.30 x 10- ) = 0.00128 molelk  

y, 18.015(1 - (2.30 x 10- 5» g 

molalitye molarity, or c == 0.00128 moleJliter of solution. 
(b) Calculate the Henry's law constant k for methane at 1 atm and 

25°C, expressed in torr/(molelkg H20 ). 

From Table 10-4, 

n4 • 1 atm 
k(CH4)= 4.13 x 1u- atrn/(mole fractIon) = T 

X2 = 1 atm/(4.13 x 1()4 .atm/(mole fraction» 
= 2.42 x 10- 5 (mole fraction) 

Convert mole fraction of CH4 to molality. 
5 

m = 1000(2.42 x 10- ) = 1.344 X 10-8 mole/kg  
18.015(1 - (2.42 x 10-5» 

kin torr/(mole/kg H20) is therefore 

k = 1 atm x 760 torr/atm 760 
1.344 x 10-8 mole/kg  1.344 x 10-8 

= 5.65 x 10& torr/(molelkg  

(c) Obtain the Henry's law constant for hydrogen, molecular 
weight H2 = 2.02 g/mole, at a pressure in torrs at 25°C.' Express k 
in torr/(glliter), where g/liter is essentially equal to g/kg of water in a 
solution suftlciently dilute for Henry's law to apply. One obtains 

kalz> = X (  ) = 5.34 X 107 torr/(mole fraction) 
2 moe Ion  

X2 = torr/(5.34 x 107 torr/(mole fraction»  
= 1.87 x 10-8 (mole fraction)  

m = 1000(1.87 x 10-8) = 1.04 X 10- 6 mole/k  
18.015(1 - (1.87 x 10-8» g 

e 1.04 X 10-6 moleJliter 
To convert moles to grams, we write 9 = mole ,x mol. wt. 

1.04 x 10-6 mole/liter x 2.02 g/mole = 2.10 x 10-6 g/liter 

k = 1 tor: = 4.76 x 100torr/(gI1iter)
2.10 x 10- g/liter 

(d) Using the value of k you got in (c), calculate the grams of 
hydrogen gas dissolved in a liter of aqueous solution at an extema! 
pressure on the gas of 1 atm (760torr) at 25°C. 

. 760 torr 
k =4.76 x 100tolT/(gIliter) =c (gIliter) 

c = 760 torr/(4.76 x Iff torr/(g/liter» 
= 0.00160 g/liter 

(e) To obtain the Henry's law constant, k, for a gas at a 
temperature other than 25°C, we proceed 88 follows. 

The  of Oz in water at 1 atm pressure and 00 C is 0.070 
g/liter. To express k in torr/(glliter) we simply write 

k = 760 tolT/(0.070 g/liter) == 1.09 x  tolT/(gIl) 
In these examples involving the Henry's law constants, the tenn 

molefractio'n, is placed after the values of Xz to indicate that the 
numbers are expressed ... mole fractions-that is, as ratios of 
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218 Physical Pharmacy 

moles-and therefore are dimensionless, having no physical units 
associated with them. 

SOLUBILITY OF LIQUIDS IN LIQUIDS 
Frequently two or more liquids are mixed together in 

the preparation of pharmaceutical solutions. For exam-
ple, alcohol is added to water to form hydroalcoholic 
solutions of various concentrations: volatile oils are 
mixed with water to form dilute solutions known as 
aromatic waters; volatile oils are added to alcohol to 
yield spirits and elixirs; ether and alcohol are combined 
in collodions; and various fixed oils are blended into 
lotions, sprays, and medicated oils. 

Ideal and. Real Solutions. According to Raoult's law, 
Pi = Pio Xi' the partial pressure Pi of a component in a 
liquid mixture at a definite temperature is equal to the 
vapor pressure in the pure state multiplied by the mole 
fraction of the component in the solution. The mixture 
is said to be ideal when both components of a binary 
solution obey Raoult's law over the whole range of 
composition. If one of the components shows a negative 
deviation, it can be demonstrated by the' use of 
thermodynamics that the other component must also 
show negative deviation (cf. Fig. 5:-2, p. 108). The 
corresponding statement can also be made for positive 
deviations from Raoult's law. 

Negative deviations lead to increased solubility and 
are frequently associated with hydrogen bonding be-
tween polar compounds (p. 23). The interaction of the 
solvent with the solute is known as solvation. Positive 
deviations, leading to decreased solubility, are inter-
preted as resulting from association of the molecules of 
one of the constituents to form double molecules 
(dimers) or polymers of higher order. Hildebrand, 
however, suggests that positive deviation is better 
accounted for in most cases by the difference in the 
cohesive forces of the molecules of each constituent. 
These attractive forces, which may occur in gases, 
liquids, or solids, are called internal pressures. 

When the vapor is assumed to be nearly ideal, the 
internal pressure in cal/em" is obtained by using the 
equation 

Mlv - RT 
Pi = V (10-7) 

in which Mlv is the heat of vaporization and V is the 
molar volume of the liquid at temperature T. 

Example '0-4. The molar heat of vaporization of water at 25° C is 
10,500 cal and V is approximately 18.01 em", The gas constant R is 
1.987 callmole deg. Compute the internal pressure of water. 

p. = 10,500 - (1.987 x 298.2) 
t 18.01 

= 550 cal/em" or 22,700 atm 
A familiarity with calculations such as those appearing on pages 
3 and 4 should allow the student" to make this conversion from cal/em" 
to atmospheres. 

When the internal pressures or cohesive forces of the 
constituents of a mixture such as hexane and water are 
quite different, the molecules of one constituent cannot 
mingle with those of the other, and partial solubility 
results. Polar liquids have high cohesive forces, that is, 
large internal pressures, and they are solvents only for 
compounds of similar nature. Nonpolar substances with 
low internal pressures .are "squeezed out" by the 
powerful attractive forces existing between the mole-
cules of the polar liquid. This results in positive 
deviation from Raoult's law as shown inFigure 5-3 on 
page 108. It must be remarked that limited solubility 
of nonpolar solutes in highly polar solvents, and partic-
ularly in those solvents that associate through hydro-
gen bonds, cannot be attributed entirely to a difference 
of internal pressures. These factors will be considered 
in more detail on page 229. 

Liquid-liquid systems may be divided into two 
categories according to the solubility of the substances 
in one another: (1) complete' miscibility and (2) partial 
miscibility. The term miscibility refers to the mutual 
solubilities of the components in liquid-liquid systems. 

Complete Miscibility. Polar and semipolar solvents, 
such as water and alcohol, glycerin and alcohol, and 
alcohol and acetone, are said to be completely miscible 
since they mix in all proportions. Nonpolar solvents 
such as benzene and carbon tetrachloride are also 
completely miscible. Completely miscible liquid mix-
tures in general create no solubility problems for the 
pharmacist and need not be considered further. 

Partial Miscibility. When certain amounts. of water 
and ether or water and phenol are mixed, two liquid 
layers are formed, each containing some of the other 
liquid in the dissolved state. The phenol-water system 
has been discussed in detail in Chapter 2, and the 
student at this point should review the section dealing 
with the phase rule. It is sufficient here to reiterate the 
following points. (1) The mutual solubilities of partially 
miscible, liquids are influenced by temperature. In a 
system such as phenol and water, the mutual solubili-
ties of the two conjugate phases increase with temper-
ature until, at the critical solution temperature (or 
upper consolute temperature), the compositions be-
come identical. At this temperature, a homogeneous or 
single-phase system is formed. (2) From a knowledge of 
the phase diagram, more especially the tie lines that cut 
the binodal curve, it is possible to calculate both the 
composition of each component in the two conjugate 
phases and the amount of one phase, relative to the 
other. Example 10-5 gives an illustration of such a 
calculation. 

Example '0-5. A mixture of phenol and water at 20° C has a total 
composition of 50% phenol. The tie line at this temperature cuts the 
biriodal at points equivalent to 8.4 and 72.2% wlw phenol (taken from 
Fig. 2-14, p. -40). What is the weight of the aqueous layer and of the 
phenol layer in 500 g of the mixture and how many grams of phenol 
are present in each of the two layers? 

Let Z be the weight in grams of the aqueous layer. Therefore, 
(500 - Z) is the weight in grams of the phenol layer, and the sum of 
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• • 
the percentages of phenol in the two layers must equal the overall 
composition of 50% or 500 x 0.50 = 250 g. 

Z(8.4/100) + (500 - Z)(72.2/100) = 250 
weight of aqueous layer, Z = 174 g 

weight of phenol layer (500 - Z) = 326 g 
The weight of phenol in the aqueous layer is 

174 x 0.084 = 15 g 
and the weight of phenol in the phenolic layer is 

326 x 0.722 = 235 g 

In the case of some liquid pairs, the solubility may 
increase as the temperature is lowered, and the system 
willexhibit a lower consolute temperature, below which 
the two members are soluble in all proportions and 
above which two separate layers form (Fig. 2-15, 
p. 41). Another type, involving a few mixtures such as 
nicotineand water (see Fig. 2-16, p. 41), shows both an 
upper and a lower consolute temperature with an 
intermediate temperature region in which the two 
liquids are only partially miscible. A final type exhibits 
no critical solution temperature; the pair, ethyl ether 
and water, for example, has neither an upper nor a 
lower consolute temperature and shows partial misci-
bility over the entire temperature range at which the 
mixture exists. 

Influence of Foreign Substances. 10 The addition of a 
substance to a binary liquid system produces a ternary 
system, that is, one having three components. If the 
added material is soluble in only one of the two 
components or if the solubilities in the two liquids are 
markedly different, the mutual solubility of the liquid 
pair is decreased. If the original binary mixture has an 
upper critical solution temperature, the temperature is 
raised; if it has a lower consolute temperature; it is 
lowered by the addition of the third component. For 
example, if 0.1 M naphthalene is added to a mixture of 
phenol and water, it dissolves only in the phenol and 
raises the consolute temperature about 200 

; if 0.1 M 
potassium chloride is added to a phenol-water mixture, 
it dissolves only in water and raises the consolute 
temperature approximately 80 This latter case illus-• 

trates the salting-out effect previously referred to 
under solutions of gases. 

When the third substance is soluble in both of the 
liquids to roughly the same extent, 'the mutual solubil-
ity of the liquid pair is increased; an upper critical 
solution temperature is lowered and a lower critical 
solution temperature is raised. The addition of succinic 
acid or sodium oleate to a phenol-water system brings 
about such a result. The increase in mutual solubility of 
two partially miscible solvents by another agent is 
ordinarily referred to as blending. When the solubility 
in water of a nonnolar Iinuid .is .ineraasad bv .a .mieelle-

forming surface-active agent, the phenomenon is called 
micellar solubilization (p, 410). 

Three-Component Systems. The! principles underlying 
systems that may contain one, two, or three partially 
miscible pairs have been discussed in detail in Chapter 
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2. Further examples of three-component systems con-
taining one pair of partially miscible liquids are water, 
CCI4 , and acetic acid; and water, phenol, and acetone. 
Loran and Guth" made a study of the three-component 
system, water, castor oil, and alcohol, to determine the .. 
proper proportions for use in certain lotions and hair 
preparations, and a triangular diagram is shown in their 
report. A similar titration with water of a mixture 
containing peppermint oil and polyethylene glycol is 
shown in Figure 10-1. 7 Ternary diagrams have also 
found use in cosmetic formulations involving three 
liquid phases. 11 Gorman and Hall12 determined the 
ternary-phase diagram of the system, methyl salicy-
late, isopropanol, and water (Fig. 10-2.). 

Dielectric Constant and Solubility. Paruta and associ-
ates13 have studied the solubility of barbiturates, 
parabens, xanthines, and other classes of drugs in a 
range of solvents of various dielectric constants. The 
solubility of caffeine in a mixture of dioxane and water 
as determined in two laboratories is shown in Figure 
10-3. The solubility is' plotted against dielectric con-
stant, and against solvent solubility parameter, 8, to be 
discussed later. Gorman and Hall12 obtained a linear 
relationship when they plotted log mole fraction of 
the solute, methyl salicylate, versus the dielectric con-
stant of isopropanol-water mixtures, as seen in 
Figure 10-4. 

Molecular Connectivity. Kier and Hall14 investigated 
-the solubility of liquid hydrocarbons, alcohols, ethers, 
and esters in water. They used a topologic (structural) 
index X, or chi, which takes on values that depend on 
the structural features and functional groups of a 
particular molecule. The technique used by Kier and 
Hall is referred to as molecular connectivity. A zero-
order chi term, oX, first-order chi term, IX,' and 
higher-order chi terms are used to describe a molecule. 
The IX term is obtained by summing the bonds 
weighted by the reciprocal square root number of each 
bond. In the case of propane, 

\ 
50\ 
I \ 

/ 
, 
50 

.......-. Peppermint oil ---

Fil. 10-1. A triangular diagram showingthe solubility ofpeppennint 
oil in various proportions of water and polyethylene glycol. 
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Fil· 10-2. Triangular phase diagram for the three component 
system, methyl salicylate-isopropanol-water. (From W. G. Gonnan 
and G. D. Hall, J. Pharm. Sci. 53, 1017, 1964, reproduced·with 
permission of the copyright owner.) 

CD CH2 ®/':® -,HgC CHg 
disregarding attached hydrogens, carbon 1 is connected 
through one bond to the central carbon, which is joined 
to the other carbons by two bonds. The reciprocal 
square root "valence" is therefore (1 · 2)-112 = o.707for 
the left bond. The right-hand bond has the same 
reciprocal square root valence, or 0.707. These are 
summed to yield 

IX = 0.707 + 0.707 = 1..414 

Dielectric constant (E) 
0 20 40 60 80 

80 

I 75 

80:I' 
I a 45 

30 

15 

, 
'.-:"'\, 

\, 
....,.......... B 

\,, 
",, 

\ 
\ 
\ 

\ ,-,, 
\ ,, 

__.a....-__.L....-__..a...-__--I 

9.5  13.0 18.5 20.0 23.5 
Solubility par."'r (81) 

FII· 10-3. Caffeine in dioxane-water mixtures at 26° C. Solubility 
profileswere obtained from two studies, A 13 and B.M Solubility in 
mgImL is plotted against both dielectric constant (upper scale) and 
solvent solubility parameter Gower scale). (From A. MartiD, A. N. 
Paruta, and A. Adjei, J. Pharm. Sci. 70, 1115, 1981, reproduced with 
pennission of the eopyright owner.) 

• .! 0....--------------, ... 
j
1 -0.5 

o  10 20 30 40 50 60 70 
Dielectric constant of solvent blend 

Fil. 10-4. Solubility of methyl salicylate in isopropanol  water 
blends of ditTering dielectric constants. (From W. G. Gonnan and 
G. D. Hall, J. Pharm Sci. 53, 1017, 1964, reproduced with permission 
of the cOl>yright owner.) 

for n-butane, considering only the carbon atoms and 
their bonds, 

CDC®C 
C/®"C/(D 

IX  = (1 · 2)-112 + (2 · 2)-112 + (1 · 2)-112 = 1.914 

Isobutane, 

® 
C 
'CD

® / C -, (D
'C C 

has a different IX than n-butane because of.its branch-
ing: 

IX = (1 · 3)-112 + (1 · 3)-ltl + (1 · 3)-lrl = 1.732 

For calculating second- and higher-order X indexes and 
applications of molecular connectivity in pharmacy, 
refer to the book by Kier and Hall.14 

IX may be used to correlate the molal solubilities of 
aliphatic hydrocarbons, alcohols, and esters in water, 
using regression analysis (see Chapter 1, p. 15, for 
regression analysis). The equation found14 to fit the 
data for alkanes at 26° C is 

In S = -1.505 - 2.533 IX (10-8) 

We learned that the IX value of isobutane was 1.732. 
Using this value in equation (10-8) yields 

In S = -5.8922; S = 2.76 X 10-3 molal 

The experimentally observed solubility of isobutane in 
water at 26° C is 2.83 X 10-3 molal. 

Molecular Surface Area and Solubility. Amidon and 
associates15 have published a number of papers dealing 
with the solubility of liquid nonelectrolytes in polar 
solvents. They investigated the aqueous solubility of 
hydrocarbons, alcohols,' esters, ketones, ethers, and 

 PFIZER, INC. v. NOVO NORDISK A/S - IPR2020-01252, Ex. 1057, p. 51 of 81

DKumar
Sticky Note
None set by DKumar

DKumar
Sticky Note
MigrationNone set by DKumar

DKumar
Sticky Note
Unmarked set by DKumar



11 
carboxylic acids. The method consisted of regression 
analysis, in which In (solubility) of the solute is 
correlated with the total surface area (TSA) of the 
solute. Excluding oleftns, the equation that gave the 
best correlation with 158 compounds was 

log (solubility) = 0.0168 (TSA) + 4.44 (10-9) 
The TSA of a compound was calculated using a 
computer program prepared earlier by Hermann. 16,17 

Elaborations on the Hermann approach involved divid-
ing the TSA of the solute into hydrocarbon and 
functional group surface-area contributions (HYSA 
and FGSA, respectively). 

The following equation was developed by Amidon et 
al.15 for calculating molal solubility of hydrocarbons and 
alcohols in water at 25° C: 

In (solubility) = -0.0430 (HYSA) 

- 0.0586 (FGSA) + 8.003 (1) + 4.420 (10-10) 

in which (FGSA) is the surface area for the hydroxyl 
group. It was found that an indicator variable, I, was 
needed in equation (10-10) to handle the alcohols. I was 
given a value of 1 if the compound was an alcohol and 0 
if it was a hydrocarbon (no OH groups present). 

Example 10- 6. Calculate the molar solubility in water at 25° C for 
n-butanol and for cyelohexane using equation (10-10). Determine the 
percent difference from the observed values. The observed solubili-
ties and the surface areas calculated with the modified computer 
program of Hermann are found in Table 10-6. 

For n-butanol: 
In (solubility) = -0.0430 (212.9) 

-0.0586 (59.2) + (8.003) (1) + 4.420 
In (solubility) = -0.20082 

Molalsolubility = 0.818 (error = 18.7% 
from the observed value, 1.006) 

For cyclohexane: 
In (solubility) = -0.0430 (279.1) -0.586(0) + (8.003) (0) + 4.420 

= -7.5813 
Mo1a1801ubility = 5.1 x 10-4 (error = 22.8% 

from the observed value, 6.61 x 10-4) 

The method of Amidon et ala may prove applicable for predicting 
solubilities of complex organic drug molecules that have limited 
solubility in water. 

. 
TABLE 10-6. MDlecular Surface Area' of Alcohol, and 
Hydrocarbon, 

Observed 
HYSA FGSA Solubility 
(angstroms)2 (angstroms)2 (molal) 

n-butanol 212.9 59.2 1.006 
Cyclohexanol 240.9 49.6 3.8 x 10-1 

Cyclohexane 279.1 6.61 x 10-4 

n-Octane 383 5.80 x 10-6 

Key: HYSA =hydrocarbon surface area; FGSA = functional group surface area 
(OH group in the case of an alcohol). 
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SOLUBILITY OF SOLIDS IN LIQUIDS 
Systems of solids in liquids include the most fre-

quently encountered and probably the most important 
type of pharmaceutical solutions. The solubility of a 
solid in a liquid cannot be predicted in a wholly 
satisfactory manner as yet, except possibly for ideal 
solutions, because of the complicating factors that must 
be taken into account. 

Pharmaceutical solutions consist of a wide variety of 
solutes and solvents, as listed in Table 10-2. We shall 
begin with the ideal solution, proceeding then to 
regular solutions of nonpolar or moderately polar 
character and finally to solutions of high polarity, in 
which solvation and association result in marked devi-
ation from ideal behavior. 

In this limited treatment, only the highlights of the 
derivations are sketched out, and the resulting equa-
tions are given without a detailed development of each 
step in the formulation. It is hoped, however, that the 
worked examples will show the usefulness of the 
various equations and that the selected references will 
lead the interested reader to the original literature 
where details can be found. 

Ideal Solutions. The solubility of a solid in an ideal 
solution depends on temperature, melting point of the 
solid, and molar heat of fusion MIl' that is, the heat 
absorbed when the solid melts, In an ideal solution, the 
heat of solution is equal to the heat of fusion, which is 
assumed to be a constant independent of the tempera-
ture. Ideal solubility is not affected by the 'nature of 
the solvent. The equation derived from thermodynam-
ic considerations for an ideal solution of a solid in a 
liquid is 

-log X2i =   0 (10-11) 
• l-

in which X21- is the ideal solubility of the solute 
expressed in mole fraction, To is the melting point of 
the solid solute in absolute degrees, and T i is the 
absolute temperature of the solution. * The superscript 
i in the symbol X2i refers to an ideal solution, and the 
subscript 2 designates the mole fraction as that of the 
solute. At temperatures above the melting point, the 
solute is in the liquid state, and, in an ideal solution, the 
liquid solute is miscible in all proportions with the 
solvent. Therefore, equation (10-11) no longer applies 
when T > To. The equation is also inadequate at 
temperatures considerably below the melting point 
where MIl can no longer be used. 

ED.". 10-7. What is the solubility of naphthalene at 2()0 C in an 
ideal solution?' The melting point of naphthalene is goo C, and the 
molar heat of fusion is 4bOO caVmole. 

*Hildebrand and Scott2 show that calculated results compare 
better with experimental values if tenns involving I:.Cp' the differ-
ence in heat capacities of the  and liquid, are also included in the 
equation. . 
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. .. 
i _ _ 4500 (353 - 293) TABLE 10-7. Hea.1s of FUSIon for Oru,s and Other Molecules'" 

log X2 - 2.303 x 1.987 293 x 353 

X 2i ='0.27 

The mole fraction solubility can be converted to molal-
ity (provided the molecular weight M1 of the solvent is 
known) by means of the relationship 

l000X2 m=----M t(l - X2) 

The value of X2 in Example 10-7 may be compared 
with the results of Scatchard. 18 He found that the mole 
fraction solubility of naphthalene was 0.24 in benzene, 
0.23 in toluene, and 0.21 in carbon tetrachloride at 
200 C. 

Equation (10-11) can also be written as 

MIl 1
log X2i = 2.303R T + constant (10-12) 

Therefore, a plot of the logarithm of the solubility, 
expressed in mole fraction, against the reciprocal of the 
absolute temperature results in a straight line with a 
slope of -MIfI2.303R for an ideal solution. By this 
means, the molar heat of fusion of various drugs may be 
obtained from their solubility in ideal solutions. 

The molar heat of fusion is determined most conve-
niently in a differential scanning calorimeter (see p. 
47). The Drug Standards Laboratory of the United 
States Pharmacopeial Convention in Washington, 
D. C., has determined the MIt values for a number of 
drugs, and these, together with values from other 
sources, are found in Table 10-7. 

Phase Dialrams and the Ideal Solubility ,Equation. ' 9 The 
phase diagram for the system thymol-salol, shown in 
Figure 2-17 (p. 42), may be constructed with the 
help of the ideal solubility equation (equations (10-11) 
and (10-12». Conversely, if the points along the two 
lines of Figure 2-17 are obtained experimentally, they 
may beused together with the ideal solubility equation 
(equation (10-11) or (10-12» to calculate the heats of 
fusion Mit of substances such as salol and thymol, 
which are completely miscible in the, liquid state, 
immiscible as solids, and form eutectic mixtures. Phase 
diagrams, such as Figure 2-17, have been used to 
study matrix-type dosage forms, changes in the solu-
bility of drug mixtures as a function qf temperature and 
composition, and to locate the eutectic point .for mix-
tures of various pharmaceutical excipients.2o - 23 

Ex,mpl. 10-B.24,25 To demonstrate the use of the ideal solubility 
equation(equation(10-11», we begin by calculatingseveral pointson 
the phasediagram, Figure 2-17, first taking thymolas the solute and 
salolas the solvent. This puts us on the right-hand side of the graph. 
The heat offusion tJ:lf of thymolis 4126 callmole, the meltingpoint is 
51.5° C (324.r K), and the molecular weight is 150.2 g/mole. The 
meltingpoint of salolis 42.0° C (315.2° K), and its molecular weight is 
214.2 g/mole. 

(a) Let us calculate the ideal solubilities of thymol, expressed as 
mole fraction,at 20°, 30°, and 40°C, usingthe idealsolubility equation 
(equation (10-11». Once the mole fraction solubilities are obtained 

i1H, 
(cal/mole) 

Anthracene 
Benzoic acid 
Butyl p-hydroxybenzoate 
Erompheniramine maleate 
Caffeine 
Cannabidiol 
Cetyl alcohol 
Chlorpromazine hydrochloride 
Estrad iol cypionate 
Iodine 
Meprobamate 
Methoxyphenamine hydrochloride 
Methyl p-aminobenzoate 
Methyl p-hydroxybenzoate 
Methyltestosterone 
Myristic acid 
Naphthalene 
Phenanthrene 
Phenylephrine hydrochloride 
Phenytoin 
p-Aminobenzoic acid 
p-Hydroxybenzoic acid 
Protriptyline hydrochloride 
Stearic acid 
Sulfadiazine 
Sulfamethoxazole 
Sulfapyridine 
Sulfisomidine 
Sulfur 
Testolactone 
Testosterone 
Testosterone enanthate 
Testosterone propionate 
Theobromine 
Theophyll ine 
Thiopental 
Tolbutamide 

6,897 
4,302 
6,410 

11,200 
5,044 
4,660 
8,194 
6,730 
7,030 
3,740 
9,340 
6,960 
5,850 
5,400 
6,140 

10,846 
4,440 
4,456 
6,800 

11,300 
5,000 
7,510 
6,140 

13,524 
9,740 
7,396 
8,930 

10,780 
4,020 
6,760 
6,190 
5,260 
5,290 
9,818 
7,097 

·7,010 
6,122 

*Data from the Drug Standards Laboratory of the U.S. PharmacopeiaI 
Convention (courtesy U.S. PharmacopeiaI Drug Research and Testing Laborato-
ries); Handbook of Chemistry and Physics, R. C. Weast, Ed., eRC, Cleveland, 
Ohio, 1975, pp. 717-719; S. H. Yalkowsky, G. L. Flynn and T. G. Siunick, J. 
Pharm. Sci. 61,852, 1972; K. C. James and M. Roberts, J. Pharm. Pharmacol. 
20,1045,1968; S. S. Yang andJ. K. Guillory, J. Pharm. Sci. 81,26,1972. (See 
S. S. Yangand J. K. Guillory, J. Pharm. Sci. 81, 26, 1972, and H. O. Lin andJ. 
K. Guillory, J. Pharm. Sci. 59, 973, 1970, 'for the effectof polymorphism onthe 
4H, of sulfonamides.) 

they may be converted to molalities, m = 1000 X2/M1(1 - X2) , and 
frommolalities to weight percent (%[w/w]). The three pointsmay be 
plotted on the right-hand side of a graph, patterned after Figure 
2-17, and a straight line drawn through the points. 

The approachtaken with thymolas soluteand salolas solventat 40° 
C  K) is as follows: 

-4126 (324.7 - 313.2)  
In X2 ='I. 9872 824.7' 313.2 = 0.235  

The anti-In (that is, the exponential,  I)f In X2,  at 40° C is 
X2400 = 0.791 or 72.63% (w/w) 

At 80° and 20° C, the X2 values are 
X2soo = 0.685 
X22f)O = 0.503 

We now assume that phenyl salicylate (salol), molecular weight 
214.2 g/mole, is the solute and thymol is the solvent. It is difficult to 
find the heat of fusion tJ:lf for salol in the literature; let us work 
backwards to calculate it. Knowing the melting point of salol,  C, 
and calculatingits molefraction near the temperature (meltingpoint) 
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for the pure liquid at, say, 35° C, we obtain, with the help of equation 
(10-11), a good estimate for the heat of fusion 'of salol. One gets a 
more accurate value for Mil where the 'solute, salol, is in high 
concentration; that is, near the left-hand side of Figure 2-17. 

(b) With salol as the solute (left side of the phase diagram) at 35° C 
(308.20 K), the solution contains 9% (w/w) thymol and 91% (w/w) salol. 
One converts to mole fraction of salol, using the equation 

'n2 
X2 =- -

'n2 + nl 

The mole  of salol at 35° C is 91 g/214.2 g/mole = 0.4248 mole and 
the mole n 1 of thymol is 9 g/I50.2 g/mole = 0.0599 mole. The mole 
fraction is therefore 

0.4248 
X2 = 0.4248 + 0.0599 = 0.8764 

In X = -0.1319 = _ Mil (315.2 - 308.2) 
2 1.9872 315.2· 308.2 

Mil (salol) = 3639 callmole 
At 35° C the solution should behave nearly ideal, for salol is in the 

concentration of 91% (w,'w), and the Mil obtained should be a 
reasonable estimate of the heat of fusion of salol. 

Nonideal Solutions. The activity of a solute in a 
solution is expressed as the concentration multiplied by 
the activity coefficient. When the concentration is given 
in mole fraction, the activity is expressed as 

 = X2'Y2 (10-13) 
in which 'Y2 on the mole fraction scale is known as the 
rational activity coefficient (p. 132). Converting to 
logarithms, we have 

log  = log X2 + log "12 (10-14) 
In an ideal solution,  = X2 

i since "12 = 1, and 
accordingly the ideal solubility, equation (10-14),. may 
be expressed in terms of activity as 

-log  = -log X2i =  (To  0 (10-15) 

By combining equations (10-14) and (10-15), the mole 
fraction solubility of a solute in a nonideal solution, 
expressed in log form, becomes 

MIl (To - T\ 
-log X2 = 2.303R To T-j + log 'Y2 (10-16) 

/ 

Therefore, the mole fraction solubility in various sol-
vents can be expressedas the sum of two terms: the 
solubility in an ideal solution and the logarithm of the 
activity coefficient of the' solute. As a real solution 
becomes more ideal, "12 approaches unity, and equation 
(10-16) reduces to equation (10-15). 'Only rarely, 
however, does the experimentally determined solubil-
ity in real solutions compare favorably with the value 
calculated by use of the ideal solubility equation. The 
activity coefficient "12, depending on the nature of both 
the solute and the solvent as well as on the temperature 
of the solution, must be accounted for before the 
calculated solubility will correspond well with experi-
mental values. 
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The log "12 term of equation (10-16) is obtained by 
considering the intermolecular forces of attraction that 
must be overcome, or the work that must be done, in 
removing a molecule from the solute phase and depos-
iting it in the solvent. This process may be considered 
as occurring in three steps.26 

1. The first step involves the removal of a molecule 
from the solute phase at a definite temperature. The 
work done in removing a molecule from a solute so that 
it passes into the vapor state requires breaking the 
bonds between adjacent molecules. The work involved 
in breaking the bond between two adjacent moleculesis 
2W22' in which the subscript 22 refers to the interaction 
between solute molecules. When the molecule escapes 
from the solute phase, however, the hole it has created 
closes, and one half of the energy is regained. The gain 
in potential energy or net work for the process is thus 
W22, schematically represented as 

••• --+ 

Solute Liberation of a molecule 
from the solute 

2. The second step involves the creation of a hole in 
the solvent just large enough to accept the solute 
molecule. The work required for this step, 

00 00 
00--+ o 0 

0000 
Solvent Creation of a hole 

in the solvent 

is Wll, in which the subscript refers to the energy of 
interaction between solvent molecules. 

3. The solute molecule is finally. placed in the hole in 
the solvent, 

00 00 
0 0+ • =-'0.0 
00 00 
Solvent Solute Solution 

molecule 

and the gain in work or decrease of potential energy in 
this step is -W12. The subscript 12 stands for the 
interaction energy of the solute with the solvent. The 
hole or cavity in the solvent, created in step 2, is now 
closed, and an additional decrease in energy, -W12' 
occurs, involving net work in this final step of -2W 12. 

The total work as given by this extremely simplified 
scheme is thus (W22 + W 11 - 2W12) . The activity 
coefficientterm of the solubility equation, however, has 
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224 Physical Pharmacy 

been shown by Scatchard and by Hildebrand and 
Wood18 to be proportional also to the volume of the 
solute, considered as a supercooled liquid, and to the 
fraction of the total volume occupied by the solvent. 
The logarithm of the activity coefficient is given by the 
more elaborate expression 

V2<1>12 
In 12 = (W22  + W11 - 2W12) RT (10-17) 

in which V2 is the molar volume or volume per mole of 
(supercooled) liquid solute and <1>1 is the volume frac-
tion, or X 1V1/(X1V1 + X2V2) of the solvent. R is the gas 
constant, 1.987 callmole deg, and T is the absolute 
temperature of the solution. 

The W terms in equation (10-17) are potential 
energies or terms representing attractive forces. Since 
van der Waals forces between molecules follow a 
geometric mean rule, the term W12 can be taken as 
approximately equal to the geometric mean of the 
solvent and solute terms. That is, the interaction 
between different molecules is equal to the square root 
of the product of the attractions among similar mole-
cules, or 

W12 = VW11W22 (10-18) 

Whet) this substitution is made in equation (10-17), it 
becomes . 

V2<1>12 
In 'Y2 = [Wll - 2(WllW22)112 + W22] RT (10-19) 

The terms within the brackets are seen to represent a 
perfect square, and equation (10-19) therefore be-
comes 

V2<1>12 
In 'Y2 = [(Wll)ll2 - (W22)l!2J2 RT (10-20) 

Equation (10-20) can be modified in the following 
manner. The W terms of equation (10-20) are approxi-
mately equal to the aIV2 term in the van der Waals 
equation for nonideal gases and liquids (p. 27), and 
they serve as a measure of the internal pressures of the 
solvent and the solute in nonpolar or moderately polar 
nonideal solutions. The (W)ll2 terms are known as 
solubility parameters and are designated by the sym-
bols 81 and  for solvent and solute respectively. 
Equation (10-20) is thus written in terms of the 
common log:arithm as 

_ 2  
log 12 - (81  2.303RT (10-21) 

In dilute solutions, the volume fraction is nearly unity, 
and <1>12 may be disregarded as a first approximation. 
When a rough calculation shows it to be significantly 
less than 1, a recalculation must be made taking into 
account the value of <1»1. this correction will be de-
scribed in the example to follow. 

When the term for log 12 is substituted in equation 
(10-16), the mole fraction solubility of a nonpolar or 
moderately polar solute is obtained as 

MIl (To - T)
-log X2 = 2.303RT To 

2.V2<1>1 2 + 2.303RT (81 - 82) (10-22) 

If R is replaced by 1.987 callmole deg and T by 2980 K 
at 250 C, the temperature most frequently employed, 
we obtain 

(10-23) 

The solubility parameters, which express the cohesion 
between like molecules, may be calculated from heats of 
vaporization, internal pressures, surface tensions, and 
other properties, as described by Hildebrand and 
Scott. 27 The heat of vaporization in conjunction with the 
molar volume of the species, when available at the 
desired temperature, probably affords the best means 
for calculating the solubility parameter. It is roughly 
the square root of the internal pressure (p. 218) or 

8 = {_MI_v R_0112 
(10-24) 

in which MIv is the heat of vaporization and Vi is the 
molar volume of the liquid compound at the desired 
temperature, R is the gas constant, and T is the 
absolute temperature. If the solute is a solid at this 
temperature, its molar volume must be obtained at 
elevated temperature where it is a liquid (i.e., at 
temperatures above the melting point) and extrapo-
lated to the temperature under consideration. Where 
this method is not satisfactory for solids, other methods 
have been devised. 28,29 

Example 10-9. (a) Compute the solubility parameter of iodine and 
then (b) determine the mole fraction and molal solubility of iodine in 
carbon disulfide at 25° C.30(c) What is the activity coefficient of the 
solute in this solution? The heat of vaporization of liquid iodine 
extrapolated to 25° C is 11,493 callmole, the average heat of fusion 
Mil is about 3600 cal at 25° C, the melting point of iodine is 113°C, 
and its molar volume V2 is 59 em"at 25° C. The solubility parameter 
of carbon disulfide is 10. 

(a) 

II = (11,493 -  x 298.2Yfl = 13.6 

(Notice that the value in Table 10-8, obtained from solubility data, is 
somewhat different from the value obtained here.) 

(b)  X2 is first calculated assuming that <1>12 is unity.  

- 3,600(386 - 298) 59 2  - Iog X2 - 1364 386 + 1364 (10.0 - 13.6) 

X2 = 0.0689 
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Chapter 10 • Solubility and Distribution Phenomena 225 

Now the volume fraction 4>1 is equal to V1(1 -  - X2) + 
 or, for iodine (V2 = 59 em'')in carbon disulfide (VI = 60 cm''), 

4>1 = 0.9322 
Recalculating X 2 under (b) with 4>12as (0.9322)2 includedin the second 
right-hand term of the solubility equation gives 

X2 = 0.0815 
After six such replications (iterations) using a hand calculator, the 
result becomes X2 = 0.0845. This procedure of repeated calculations 
is called iteration.30 The experimental value for the solubility in 
carbondisulfide is recordedby Hildebrand and Scott31 as 0.0546 at 25° 
C. The ideal molefraction solubility X2

i of iodine is 0.250 at 25° C. 
The calculated molefraction solubility of iodine in carbon disulfide 

may beconverted to molalconcentration by use of the equation 
1000 X2 1000 x 0.085 

m = (1 _ X
2)M1 

= (1 _ 0.085)(76.13) = 1.22 mole/kg 

(c) By comparing equations (10-13) and (10-15), it becomesclear 
that the ideal solubilityis related to the actual solubilityat a definite 
temperature by the expression -

i = X2 = X2'Y2 

Therefore, the activity coefficient of the solute is 
"12 = X2i/X2 = 0.25/0.055 = 4.55 

Hildebrand and Scott'" include the solubility param-
eters for a number of compounds in their book. A table 
of solubility parameters has also been compiled by 
Hansen and Beerbower.32 The approximate values for 

some representative compounds of pharmaceutical in-
terest are listed in Tables 10-8 and 10-9. 8(total) is 
essentially the 8 value for solvent and drug referred to 
in this section. 8D , 8p , and 8H are partial solubility 
parameters introduced 'by Hansen and used for an 
extended theory of solubility, which is not treated here. 
The parameter 8D accounts for nonpolar effects, 8p for 
polar effects, and 8H to express the hydrogen bonding 
nature of the solute or solvent molecules. The sum of 
the squares of the partial parameters, gives the total 
cohesive energy density 8(total)2, 

8(total)2 = 8D2 + 8p 2 + 8H2 (10-25) 

Kesselring et al.33 have determined both total and 
partial solubility parameters using gas-liquid chroma-
tography. 

The more alike are the 8 values of two components, 
the greater is the mutual solubility of the pair. For 
example, the 8 value of phenanthrene is 9.8; for the 
solvent carbon disulfide, 10;and for normal hexane, 7.3. 
Therefore, phenanthrene would be expected to be more 
soluble in  than in n-C6H14 • When the solubility 
parameter of the solute is identical to that of the 
solvent, the cohesive forces of the solute and the 
solvent are alike as long as hydrogen bonding and other 

TABLE 10-8. Molar Volume andSolubility Parameters for Some Liquid CDmpounds"', t 

Liquid V (cm3/mole) 8D 

n-Butane 101.4 6.9 
n-Hexane 131.6 7.3 
n-Octane 163.5 7.6 
Diethyl ether 104.8 7.1 
Cyclohexane 108.7 8.2 
n-Butyl acetate 132.5 7.7 
Carbon tetrachloride 97.1 8.7 
Toluene 106.8 8.8 
Ethyl acetate 98.5 7.7 
Benzene 89.4 9.0 
Chloroform 80.7 8.7 
Acetone 74.0 7.6 
Acetaldehyde 57.1 7.2 
Carbon disuIfide 60.0 10.0 
Dioxane 85.7 9.3 
I-Octanol 157.7 8.3 
Nitrobenzene 102.7 9.8 
I-Butanol 91.5 7.8 
I-Propanol 75.2 7.8 
Dimethylformamide 77.0 8.5 
Ethanol 58.5 7.7 
Oimethyl suIfoxide 71.3 9.0 
Methanol 40.7 7.4 
Propylene glycol 73.6 8.2 
Ethylene glycol 55.8 8.3 
Glycerin 73.3 8.5 
Formam ide 39.8 8.4 
Water 18.0 7.6 

Solubility Parameter (cal/cm3 ) 112 

8p 8H 8(total) 

0 0 6.9 
0 0 7.3 
0 0 7.6 
1.4 2.5 7.7 
0 0.1 8.2 
1.8 3.1 8.5 
0 0.3 8.7 
0.7 1.0 8.9 
2.6 3.5 8.9 
0 1.0 9.1 
1.5 2.8 9.3 
5.1 3.4 9.8 
3.9 5.5 9.9 
0 0.3 10.0 
0.9 3.6 10.0 
1.6 5.8 10.3 
4.2 2.0 10.9 
2.8 7.7 11.3 
3.3 8.5 12.0 
6.7 5.5 12.1 
4.3 9.5 13.0 
8.0 5;0 13.0 
6.0 10.9 14.5 
4.6 11.4 14.8 
5.4 12.7 16.1 
5.9 14.3 17.7 

12.8 9.3 17.9 
7.8 20.7 23.4 

*From C. Hansen andA. Beerbower, in Encyclopedia of Chemical Technology, SuppL VoL, 2nd Edition, A. Standen, Ed., Wiley, New York, 1971, pp. 889-910. 
8£)1 8p, and8H arepartialsolubilityparameters defined brieflyabove. 8<total) isessentially thesolvent solubilityparameter, &1'defined by Hildebrand andused throughout 

this section. 
tit must becautioned thata number of solvents in this tableandthroughout the book arenotsuitable assolvents in medicinal ornutritiveproducts. Dioxane. forexample, 

is both toxicand irritatingto the skin. 
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226 Physical Pharmacy 

TABLE 10 9. Melar Volume andSolubility Parameters of Crystalline CDmpounds lTeniative Values)ft 

Solubility Parameter (cal/cm3 ) 112 

Solid Compound 

Benzoicacid Caffeine 
Methyl parabe" 
Naphthalene 
Phenobarbital 
Sulfadiazine t0 

Testosterone propiona e 
Tolbutamide 

044114

114 
235 

 
294 
229 

180. 91.. 
 1"6 
.. 

  
9·2 2·9 
9·7 2·9 
.. 

 

 

 
2.8 
4.1 

10.7 
14.1 
11.8 
9.6 

12.6 
12.5 
10.0 
10.9 

*Refer to the footnote in Table 10-8 for a definition of 8D,  and 8H 8<total) is essentially the solute 82 value referred to in this section. o 

complicating interactions are not involved. Then 81 - 82 
= 0, and the last term of equation (10-23) becomes 
zero. The solubility of the solute then depends alone on 
the ideal solubility term of the equation, involving the 
heat of fusion, the melting point of the solute, and the 
temperature of the solution. 

James et ale 29 investigated the solubility of testoster-
one esters in a number of aliphatic straight- and 
branched-chain alkanes, cyclic and aromatic hydrocar-
bons, and halogen derivatives. They determined the 8 
value of testosterone propionate and other esters and 
arrived at values of 9.5 to 10.0 (callcm3) 112 for testoster-
one propionate. The Hildebrand solubility theory was 
used with some success by James and his associates to 
predict the solubilities of steroidal esters in hydrocar-
bon solvents. 

In the use of solubility parameters, a distinction 
should also be made between those compounds that 
form hydrogen bonds and those that do not. The 8 
values may be used to predict the miscibility of 
hydrogen-bonding solvents or of non-hydrogen-bond-
ing solvents, but they are not always applicable when 
members of the two different classes are mixed. 

The nonideal solutions to which the Scatchard-
Hildebrand equation applies are called regular solu-
tions. Regular solutions may be better understood by 
reference to several properties of ideal solutions. First, 
the molecules of an ideal solution exhibit complete 
freedom of motion and randomness of distribution in the 
solution. Secondly, an ideal solution forms with no 
change in heat content, that is to say, heat is not 
absorbed or evolved during the mixing process. Fur-
thermore, there is no change in volume when the 
components of an ideal solution are mixed. The partial 
free energy change involved in the transfer of a mole of 
solute from the solute phase to a saturated solution is 
written, for an ideal solution, as 

aG2 = RT In X2 (10-26) 
Since the change in heat content dH is zero 

aG2 = dH2 - T JiS2 = -T dS2 (10-27) 
and the entropy for the solute in the ideal solution is 

dS 2 = -aG2/T = -R In X2 (10-28) 
The molecules of regular solutions, like those  ideal 

solutions, possess, sufficient kinetic energy to prevent 
ordering and a loss in entropy; and a regular solution, 
like an ideal solution, exhibits complete randomness. 
The entropy change in forming a regular solution is 
given by the same formula as that for an ideal solution, 

dS2 = -R In X2 (10-29) 

On the other hand, owing to cohesion among the 
solute molecules and among the solvent molecules, 
regular solutions exhibit positive deviation from 
Raoult's law. Unlike ideal solutions, they absorb heat 
when the components are mixed. It can be shown from 
thermodynamic considerations that the heat change 
when 1 mole of solute is added to a large quantity of 
regular solution is equal to RT In l2' which may be.  
equal to the solubility parameter term in the solubility 
equation (cf. equation (10-21»). 

dH2  RT In "12 = V2<1>12(8 
1 - 82)2 (10-30) 

These relationships can be used to derive the solubil-
ityexpression, equation (10-22) as demonstrated in the 
following paragraph. For a nonideal solution, X2 in 
equation (10-26) must be replaced by the activity a2or 

aG2 = RT In lt2 (10-31) 
From equations (10-15) and (10-31) 

- dHf(To - T) 
- 4G2 (10-32)= To 

Writing the familiar free energy equation 
aG2 = dH2 - T dS2' (10-33) 

or 

T AS2 = -aG2 + dH2 (10-34) 

gives 

dHt<To-T) 2 2 )-RT In X2 = To + V2<1>l  -  (10-35 

by the application of equations (10-29), (10-30), 
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(10-32) and (10-34). Then equation (10-35) may be 
written as 

_ MIf (To - T) V2<1>1
2 

2  
-log X2 - 2.303RT To + 2.303RT (81 -   

which is identical with equation (10-22). 
Extended Hildebrand Solubility Approach. A modifica-

tion of the Scatchard-Hildebrand equation has been 
developed'" and is referred to as the extended Hilde-
brand solubility approach (EHS). The extended 
method allows one to calculate the solubility of polar 
'and nonpolar solutes in solvents ranging from nonpolar 
hydrocarbons to highly polar solvents such as alcohols, 
glycols, and water. Although formulated specifically for 
crystalline solids in liquid solution, the EHS approach 
should also apply to liquid-liquid and gas-liquid sys-
tems. 

It is well recognized that the established regular 
solution theory, represented by equation (10-22), 
usually provides poor predictions of solubility for drugs 
and other crystalline solids in polar solvents. Polar 
systems are quite irregular, involving self-association 
of solute or solvent, solvation of the solute by the 
solvent molecules, or complexation of two or more 
solute species in the solution. The intermolecular 
attachments consist of hydrogen bonds, charge transfer 
complexes (Chapter 11), and other types of Lewis 
acid- base interactions. 

The solubility equation used in the EHS approach is 

-log X2 = -log X 2
i + A(Wll + W22 - 2W) (10-36) 

in which the last term corresponds to the expression for 
log  equation (10-17) of Hildebrand and Scatchard. 
In equation (10-36), A stands for V2<1>12/(2.303RT) and 
W is used for W12 from equation (10-17). The negative 
logarithm of the ideal solubility, -log X 2 

i , may be 
calculated from a knowledge of MIt' To, and T as shown 
in equation (10-15). 

Alternatively, it may be obtained from dSf : 

. dSf To 
-log X2t = R log T (10-37) 

as suggested by Hildebrand et al.35 dS/' the entropy of 
fusion at the melting point, is determined using the 
expression 

MIf = TodSf (10-38) 

According to the EHS approach, the term involving 
the logarithm of the activity coefficient "12 is partitioned 
into two terms, one representing mainly physical or van 
der Waals forces 'Yv and an additional term 'YR repre-
senting residual, presumably stronger, forces: 

log "12 = log 'Yv + log 'YR (10-39) 
in which 

log 'Yv = A(81 -  = A(81
2 +  -  (10-40) 

Chapter 10 • Solubility and Distribution Phenomena 227 

and 

log 'YR = A(28182 - 2W) (10-41) 

Equation (10-39) is written, in terms of equations 
(10-40) and (10-41) as: 

X2i . 
log X = log "Y2 = A(81 - 82)2 +  - W)

2 
or 

-log X2 =  log X 2i + A(81
2 + 822 - 2W) (10-42) 

Investigators'f  applied the EHS approach to polar 
and nonpolar solutes in individual solvents as well as 
mixed solvent systems. 

Equation (10-42) differs from equation (10-22) in 
that the geometric mean is replaced by' W. Equation 
(10-42) ordinarily provides an accurate prediction of 
the mole fraction solubility of a polar drug in binary 
solvent systems (i.e., two solvents mixed in various 
proportions) as demonstrated in Examples 10-10 and 
10-11. W is obtained for a solute in a particular solvent 
system by rearranging equation (10-42): 

log (X2itX2) = log "Y2 = 812 +  _ 2W 
A A 

W =  (812 + 822 - (log "Y2)IA) (10-43) 

The solubility parameters, 81 and 82, are known 
quantities. Log "12 is obtained from a knowledge of the 

idrug's ideal solubility, X2 , and its mole fraction solu-
bility, X 2 , in a particular solvent system. The observed 
solubilities of caffeine in mixtures of dioxane and water 
are shown in Figure 10-5 together with the back-
calculated solubility curve obtained by use of the 

) 

0.070 ,'\\ Ideal solubility line 
I \ 

"""N I
I \

\0.060!S- f  Regular solution line 
f ,' ''0.050:a ' ''::I ,, ' "0 , ' II» 
c 0.040 ' ' ,' ''0 , ' "f; ' ' .; 0.030 

"0• 
S 0.020 

24 

,,, ' , ' , ' 

0.010 

12 14 16 18 20 22 
Solubility parameter (81) 

Fil. 10-5. Mole fraction solubility of caffeine at 25° C in dioxane-
water mixtures. A and B are points at which real solubility equals 
regular solution solubility and W =  Filled circles are experi-
mental solubility points. (From A. Adjei, J. Newburger and A. 
Martin, J. Pharm. Sci. 69, 659, 1980, reproduced with permission of 
the copyright owner.) 
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228 Physical Pharmacy 

CftTABLE 10-10. Several Observed andCalculated Solubilities of Caffeine in Dioxane- Water Systems at 250 
. 

Volume 
% water 81 logX2 A Wt WCcalc)t X2CObS) X2CCaIC)§ 

0 10.01 0.90646 0.10257 140.901 . 141.120 0.0085 0.0094 
20 12.70 0.40443 0.09467 173.729 173.729 0.0270 0.0270 
40 15.39 0.41584 0.09269 211.403 211.380 0.0263 0.0261 
50 16.73 0.50555 0.09369 232.469 233.465 0.0214 0.0214 
60 18.07 0.62665 0.09520 255.191 255.220 0.0162 0.0164 
80 20.76 0.94347 0.09837 305.913 305.951 0.0078 0.0080 

100 23.45 1.47643 0.10179 362.919 362.343 0.0023 0.0022 

*82 = 13.8; -log X2 
i = 1.1646.  

tw is calculated from equation (10-43). Its units are cal/ern".  
tW(CaIC) is obtained using the quartic expression (10-45).  
§X2(Calc) is calculated usingequation (10-42) with W replaced by W(CaIC)'  

extended Hildebrand approach. The calculations are 
illustrated in Example 10-10, part of the data for 
which are found in Tables 10-9 and 10-10. 

Example 10- 10. Compute the value of W for a solution of caffeine 
in the pure solvent, dioxane (8 = 10.01), in pure water (8 = 23.45), 
and in a 50:50 volume percent of dioxane and water (8 = 16.73)at 25° 
C. Mlf is 5044 callmole, and To = 5120 C. According to equation 
(10-38), M f = 9.85 callmole deg. Using equation (10-37), the 
logarithm of the ideal mole fraction solubility, -log X 2i is found to be 
1.16460, or X 2i = 0.068454. The molar volume, V2 , of caffeine is 144 

3/molecm at 25°C.The volume fractions, 4>1' of dioxane, water, and a 
50:50 mixture of dioxane and water are 0.985809, 0.982066, and 
0.942190, respectively. Using the definition of A, following equation 
(10-36), one obtains A* for caffeine in dioxane as 0.102570; in water, 
0.101793; and in the 50:50 mixture, 0.093694. 

The mole fraction solubilities of caffeine in the three solvents at 
25°C are found experimentally to be0.008491 in dioxane, 0.002285 in 
water, and 0.021372 in the 50:50 mixture of dioxane and water. 

Using equation (10-43), one obtains for log  for the three 
solutions 

log (0.068454/0.008491) - 8 83728' di 
0.102570 -. In ioxane 

log (0.068454/0.002285) = 14 50505 . t 
0.101793 . In wa er 

and 

log (0.068454/0.021372) - 5 39580' h 50'50 .0.093694 -. In t e . mixture 

W values are then obtained again with the help of equation (10-43): 
In dioxane: 

8.83728 = (10.01)2 + (13.8)2 - 2W 
W= 140.90,141 

In water: 
14.50425 = (23.45)2 + (13.8)2 - 2W 

W = 362.91913 
In the 50:50 mixture: 

5.39574 = (16.73)2 + (13.8)2' - 2W. 
W = 232.46858 

The desirability of a theoretic approach is the ability 
to calculate solubilities of a drug in mixed and pure 

solvents, using only fundamental physical chemical 
properties of solute and solvent. Unfortunately, W at 
present cannot be obtained by a consideration of the 
molecular characteristics of the species in solution. It 
has been found, however, that when the experimentally 
derived W values (as calculated in Example 10-10) are 
regressed against a power series in 81, for the various 
solvents of the mixture, a polynomial equation is 
obtained that may be used for the accurate back-
calculation of solubilities. A power series in the second 
degree (quadratic) may be used for this purpose. Using 
the complete set of 30 solubility values .(see Table 10-10 
for some of these), the quadratic equation is obtained: 

W(calc) = 79.411400 + 1.86857281 + 0.43564881
2 

(10-44) 

The quartic equation is: 

W(calc) =:= 15.075279 + 17.62790381 
3 4-0.96682781

2 + 0.05391281 - 0.00075881 (10-45) 

Using equation (10-44) or (10-45) and a hand calcula-
tor, one can readily calculate the solubility of caffeine in 
any combination of dioxane and water at 250 c. 

Exampl, 10- I It. Calculate the solubility of caffeine (82 = 13.8)at 
25° C in a 40:60 volume percent mixture of dioxane and water. Use 
the quadratic expression, equation (10-44), to obtain WCcalc). 

One first obtains the 81 value of the 40:60 mixture of dioxane and 
water using the equation 

81 = 4>ct8d + 4>w8w 
in which cf>d and 4>ware the volume fractions, 0.40 and 0.60, of the 
solvents dioxane and water and 8d and 8w are their solubility 
parameters. 

81 = 0.40(10.01) + 0.60(23.45) = 18.07 
Then WCcalc) is obtained by back-calculation: 

W(ea1e) = 79.41140 + 1.86857(18.07) + 0.43565(18.07)2 
W(ea1e) = 255.427 W(exp) = 255.191 

t As mentioned in the footnote of Table 10-8, dioxane is externally 
irritating and internally toxic and cannot be used in drug or food 

*A is obtained from a knowledge of X2Cobs), and these values are products. It is chosen as a solvent in Example 10-11 simply because 
used for convenience in this example. When the solubility is not it is miscible .with water and has an appropriate solubility parameter. 
known, it is necessary to obtain A by use of an iteration (replication) Such agents must be carefully tested for untoward effects before any 
procedure as described on page 225. use is made of them in man or animal. 
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This value for W(calc) is substituted in equation (10-42) in which as molar, molal, mole fraction, gramslliter, or percent. 
-log X2

i for caffeine is 1.1646 and A is 0.09520. , These concentration terms appear in equation (10-46) 
-log X2 = 1.1646 + 0.09520[(18.07)2 + (13.8)2 - 2(255.427)] 

-log X2 = 1.74635 

X2(calc) = 0.0179 X2(exp) = 0.0162 

SOme values, calculated as shown in Examples 10-10 
and 10-11, are found in Table 10-10. TheX2(calc) values 
in Table 10-10 were back-calculated using a quartic 
expression, equation (10-45), rather than the quadratic 
equation used in Example 10-,11, which accounts for 
the small.difference in results. 

Solvation and Association in Solutions of Polar Com-
pounds. We saw in equation (10-30) that heat must be 
absorbed when the solute is mixed with the solvent to 
form a regular solution. This happens because the 
squared term (81 - 82)2 can lead only to positive values 
(or zero). We can refer back to equation (10-17), 
however, where we find the term W12' which expresses 
the interaction of the solute and -solvent molecules. If 
we remove the restriction that this term must follow 
the rule of the geometric mean given in formula 
(10-18), we allow 2W12 to be >Wll + W22 and Ml may 
then become negative. This leads to a negative devia-
tion from Raoult's law and applies when specific 
interactions, such as hydrogen bonding (p. 213), 
occur between the solute and the solvent. Such specific 
combinations of the solvent with the solute are known 
as solvation. 

When the interaction occurs between like molecules 
of one of the components in a solution, the phenomenon 
is referred to as association. This type of interaction is 
exemplified by the dimerization of benzoic acid in some 
nonpolar solvents or the interlinking of water molecules 
by hydrogen bonding. It leads to positive heats of 
solution and to positive deviations from Raoult's law. 
The association of water molecules is reflected in a large 

in equation (10-17). When water is mixed with a W l l 
nonpolar solute, Wll is much larger than W22, and W12 is 
small. Such a situation obviously leads to low solubility. 
The specific interaction effects, known as solvation and 
association, cannot be accounted for in a satisfactory 
way by the Scatchard-Hildebrand formula (equation 
(10-22» but rather require a more refined treatment, 
which is outside the scope of this book. 

Solubility and the Heat of Solution. Solubility as a 
function of temperature for nonelectrolytes, weak elec-
trolytes, or strong electrolytes in highly nonideal 
solutions can be calculated using the heat of solution, 
Mlsolm instead of the heat of fusion in an expression 
analogous to the ideal solubility expression (equation 
(10-11), p. 221). For nonelectrolytes and weak 
electrolytes, the following equation is  

as ratios, c"lc', so as to cancel the concentration units, 
as long as the same units are used for both c' and c". The 
concentration term c' corresponds to the Kelvin tem-
perature T', and c" corresponds to T". Mlso1n is the heat 
of solution in callmole and R is the universal gas 
constant expressed as 1.9872 cal mole- l deg- l . 

Using equation (10-46), the solubility of a solute in a 
particular solvent can be determined at one tempera-
ture if the heat of solution Mlsoln and the solubility at 
another temperature are known. 

Example '0-'2. The solubility of urea (molecular weight 60.06 
g/mole) in water at 2980 K is 1.20 gIg H20; the Ml801n for urea in water 
at 25° C is 2820 cal/mole, What is the molal solubility of urea at 50 C? 

, 2820 (298 - 278)
In (1.20) - In c = 1.9872 298. 278 

In c' = -0.16 and c' = 0.85 gig H20 or 850 glkg H20 
850 g/kg H20 -:- 60.06 glmole = 14.2 mole/kg H20 
The experimental solubility of urea on the molal scale is 14.2 mole/kg 
H20. 

Solubility of Strong Electrolytes. The effect of temper-
ature on the solubility of some salts in water is shown in 
Figure 10-6. A rise in temperature increases the 
solubility of a solid that absorbs heat (endothermic 
process) when it dissolves, This effect conforms with 
the Le Chatelier principle, which states that a system 
tends to adjust itself in a manner so as to counteract a 
stress such as an increase of temperature. Conversely, 
if the solution process is exothermic, that is, if heat is 
evolved, the temperature of the solution rises and the 
container feels warm to the touch. The solubility in this 
case decreases with an elevation of the temperature, 
again following Le Chatelier's principle. Most solids 
belong to the class of compounds that absorb heat when' 
they dissolve. 

Sodium sulfate exists in the hydrated form, 
 up to a temperature of about 32°C, the 

solution process (dissolution) is endothermic, and solu-

100 -------------

q: 75 
:I: -..  
8...  
... 50  
"'""  

= Mlsoln (T' - T')In ( "I ') (10-46)c c R (T'T') 25 50 75 100 
Temperature (OC)For strong electrolytes, R is replaced by vR, in which v 

is the number of ions produced in the dissociation of the  10-6. The influence of temperature on the solubility of vatjous 
plpt't:rnlvte. The terms c' and c" are concentrations such salts. 
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230 Physical Pharmacy 

bility increases with temperature. Above this point, the 
compound exists as the anydrous salt,  the 
dissolution is exothermic, and solubility decreases with 
an increase of temperature (Fig. 10-6). Sodium chlo-
ride does not absorb or evolve an appreciable amount of 
heat when it dissolves in water; thus, its solubility is not 
altered much by a change of temperature, and the heat 
of solution is approximately zero, as observed in Figure 
10-6. 

These phenomena can be explained in terms of the 
heat of solution, MI. The quantity MI is properly 
known as the partial or differential heat of solution. It 
is the heat absorbed per mole when a small quantity of 
solute is added to a large quantity of solution. It may 
.also be defined as the rate of change of the heat of 
solution per mole of solute in a solution of any specified 
concentration. The total or integral heat of solution is 
the heat absorbed when 1 mole of solute is dissolved in 
enough solvent to produce a solution of specified 
concentration. 

The heat of solution of a crystalline substance is the 
sum of the heat of sublimation of the solid, as given by 
the crystal lattice energy, and the heat of hydration 
(solvation) of the ions in solution (Table 10-11). 

MI (solution) = Mlsubl + Mlhyd (10-47) 
The lattice energy is the energy required to separate 1 
mole of a crystal into its ions in the gaseous state or to 
vaporize the solid: 

NaClsolid  Na +gas + Cl" gas 

The heat of hydration is the heat liberated when the 
gaseous ions are hydrated; it is influenced by the radius 
of an ion, since for ions of the same valence, the smaller 
the ionic radius, the greater is the electrostatic field 
surrounding the ion and the larger is the heat of 
hydration. The hydration process can be represented as 

H2O 
Na"gas + Cl-gas -----+ Na"aq + CI-aq 

If the heat of hydration, that is, the heat liberated when 
the ions are hydrated, is sufficient to provide the 
energy needed to overcome the lattice forces and thus 
"pull" the ions away from the crystal, the salt will be 

soluble. In an ideal solution, no hydration (solvation) 
occurs, and the heat absorbed is that alone that is 
required to transform the crystals to the liquid state. 
For this reason, only the heat of fusion MIl is included 
in the ideal solubility expression, equation (10-11) on 
page 221. 

The heats of solution and solubilities of some salts are 
shown in Table 10-11. A positive value of MI indicates 
an absorption of heat; a negative value signifies that 
heat is evolved. The heat of hydration and the lattice 
energy of sodium chloride are so similar that the 
process is only slightly endothermic and the tempera-
ture has little effect on the solubility. The large heat of 
solution of silver chloride (large endothermic value) 
accounts for the insolubility of the salt in water. This is 
due to the large lattice energy brought about by the 
great polarizability of the silver ion (p. 87). 

Gibbs' phase rule, page 37, is applied to the 
solubility of a solid in a liquid in the following manner. 
Since the pressure is ordinarily fixed at 1 atm and hence 
need not be specified, the rule becomes 

F=C-P+l 
A subsaturated solution of sodium chloride in water, for 
example, consists of a single homogeneous phase and 
two components, salt and water. The number of 
degrees of freedom is thus F = 2 - 1 + 1 = 2. This 
means that two variables, both temperature and com-
position, must be stated to define the system com-
pletely. Whenthe solution is saturated with the solute, 
sodium chloride, and excess solute is present,' two 
phases exist, and the number of degrees of freedom 
is F = 2 - 2 + 1 = 1. Hence, the conclusion reached 
by applying the phase rule is that the solubility of 
sodium chloride in water has a fixed value at any 
specified temperature. This statement of course is true 
not only for this specific system but for solubility in 
general. 

Solubility ofSliptly Soluble Electrolytes. When slightly 
soluble electrolytes are dissolved to form saturated 
.solutione, the solubility is described by a special 
constant, known as the solubility product, KBp , of the 
compound. The solubility products of a number of 
substances used in pharmacy are listed in Table 10-12. 

TABLE 10-11. He." of Solution and Solubilifyt of Some Chlorides 

 * Solubility 
Crystal Energy Heat of Hydration (kcal/mole) (gl100 g H2O) 

Compound (kcaI/mole) (kcal/mole) (25 0 C) (200 C) 

AgCI 207 -192 +15.0 1.5 x 10-4 

LiCI 199 -209 -10.0 78.5 
NaCI 184 -183 +1.0 36.0 
CsCI 152 -147 +5.0 186.5 
KCI 167 -164 +3.0 23.8 
KBr 161 -156 +5.0 65.0 

*A negative value for  the heat of solution, indicates an evolution of heat (exothermic), and a positive value 
indicates an absorption of heat(endothermic) duringsolution. 

 PFIZER, INC. v. NOVO NORDISK A/S - IPR2020-01252, Ex. 1057, p. 61 of 81

DKumar
Sticky Note
None set by DKumar

DKumar
Sticky Note
MigrationNone set by DKumar

DKumar
Sticky Note
Unmarked set by DKumar



TABLE 10- 12. Solubility Products of Some Slightly Soluble 
Electrolytes in Waler 

Solubility Product Temperature" 
Substance Ksp (OC) 

Aluminum hydroxide 7.7 X 10-13 25 
Barium carbonate 8.1 X 10-9 25 
Barium sulfate 1 X 10-10 25 
Calcium carbonate 9 X 10-9 25 
Calcium sulfate 6.1 X 10-5 20 
Ferric hydroxide 1 X 10-36 18 
Ferrous hydroxide 1.6 X 10-14 18 
Lead carbonate .3.3 X 10-14 18 
Lead sulfate 1.1·x 10-8 18 
Magnesium carbonate 2.6 x 10-5 12 
Magnesium hydroxide 1.4 X 10-11 18 
Mercurous chloride 2 X 10-18 25 
Mercurous iodide 1.2 X 10-28 25 
Potassium acid tartrate 3.8 X 10-4 18 
Silverbromide 7.7 X 10-13 25 
Silver chloride 1.25 X 10-10 25 
Silver iodide 1.5 X 10-16 25 
Zinc hydroxide 1.8 X 10-14 18 
Zinc suIfide 1.2 X 10-23 18 

Silver chloride is an example of such a slightly soluble 
salt. The excess solid in equilibrium with the ions in 
saturated solution at a specific temperature is repre-
sented by the equation 

  Ag" + CI- (10-48) 
and since the salt dissolves only with difficulty and the 
ionicstrength is low, the equilibrium expression may be 
written in terms of concentrations instead of activities: 

(10-49) 

Moreover, since the concentration of the solid phase is 
essentially constant, 

[Ag+][CI-] = K sp (10-50) 

The equation is only approximate for sparingly soluble 
salts, or in the presence of other salts, when activities 
rather than concentrations should be used. It does not 
hold for salts that are freely soluble in water such as 
sodium chloride. 

As in the case of other equilibrium expressions, the 
concentration of each ion is raised to a power equal to 
the number of ions appearing in the formula. Thus, for 
aluminum hydroxide, AI(OH)3' 
AI(OH)3 solid  A13+ + 30H-

[AI3+][OH-]3 = Kip (10-51) 

Example 10- 13. The measured solubility of silver chloride in water 
at 20°Cis 1.12 X 10- 5 mole/liter. This is also the concentration of the 
silver ion and the chloride ion, since silver chloride, being a strong· 
electrolyte, is nearly completely dissociated. Calculate the 'solubility 
product of this salt. 

K." = (1.12 x 10- 6) x (1.12 x 10-6) 

= 1.25 X 10- 10 

Chapter 10 • Solubility and Distribution Phenomena 231 

If an ion in common with AgCI, that is, Ag+ or or, 
is added to a solution of silver chloride, the equilibriuni 
is altered. The addition of sodium chloride, for example, 
increases the concentration of chloride ions so that 
momentarily 

[Ag+][CI-] > s; 
and some of the AgCI precipitates from the solution 
until the equilibrium [Ag+][CI-] = Ksp is reestablished. 
Hence, the result of adding a commonion is to reduce 
the solubility of a slightly soluble electrolyte, unless, of 
course, the common I ion forms a complex with the salt 
whereby the net solubility may be increased. 

Example 10- 14. What is the solubility x of silver chromate in 
moleslliter in an aqueous solution containing 0.04 M silver nitrate? 
The solubility of silver chromate in water is 8 x 10-5 and its solubility 
product is 2.0 x 10-12. The dissociation of silver chromate may be 
represented as 

Ag2Cr04  + CrQ4 .... 
Ksp = 2.0 X 10-12 = (2x + 0.04)2x = 4x3 + 0.1f)x2 + 0.()()16x 

Since the terms in x3 and r are so small that they may beneglected, 
the result is 

2.0 X 10- 12 • 
X =  = = 1.25 X 10-9 mole/liter

1.6 x 10"'3 

Salts having no ion in common with the slightly 
soluble electrolyte produce an effectopposite to that of 
a commonion: at moderate concentration, they increase 
rather than decrease the solubility because they lower 
the activity coefficient. As mentioned previously, the 
exact equilibrium expression involves activities. For 
silver chloride, . 

Kip = aAg+acl- (10-52) 
Since .activities may be replaced by the product of 

concentrations and activity coefficients, 
Ksp = [Ag+][CI-}YAg+'YCl- = [Ag+][CI-l1± 

Kip = [Ag+][CI-] 
1± 

and 

Solubility = [Ag+] = [CI-] = VK; (10-53)
'Y± 

ED.,pl. 10- 15. Calculate the solubility of silver chloride in a O.l-M 
solution of ammonium sulfate. The ionic strength of 0.1 M (NH4hS04 
is 0.3, and the activity coefficient of a 1:1 electrolyte such as silver 
chloride at this ionic strength is about 0.70: 

I Sol bilit = V1.2 X 10- 10 

U Y 0.70 

= 1.6 x 10-6 molelliter 
Therefore, the addition of an electrolyte that does not have an ion in 
common with AgCI causes an increase in the solubility of silver 
chloride. 

Other useful conclusions may be reached by use of the 
solubility product principle. If the pharmacist wishes to 
prevent precipitation of a slightly soluble salt in water, 
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232 Physical Pharmacy 

he may add some substance that will tie up and reduce 
the concentration of one of the ions. More of the salt will 
then pass from the undissolved to the dissolved state 
until the solubility product constant is reached and the 
equilibrium is reestablished. For example, if the ferric 
ion in a solution of the slightly soluble base, Fe(OH)3, 
can be combined by complex formation with sodium 
citrate, more Fe3+ will pass into solution so as to keep 
Ksp constant. In this manner, the solubility of iron 
compounds is increased by citrates and similar com-
pounds. 

Solubility of Weak Electrolytes. Many important drugs 
belong to the class of weak acids and bases..They react 
with strong acids and bases and, within definite ranges 
of pH, exist as ions that are ordinarily soluble in water. 

Although carboxylic acids containing more than five 
carbons are relatively insoluble in water, they react 
with dilute sodium' hydroxide, carbonates, and bicar-
bonates to form soluble salts. The fatty acids containing 
more than 10 carbon atoms form soluble soaps with the 
alkali metals and insoluble soaps with other metal ions. 
They are soluble in solvents having low dielectric 
constants; for example, oleic acid (C17HggCOOH) is 
insoluble in water but is soluble in alcohol and in ether. 

Hydroxy acids, such as tartaric and citric acids, are 
quite soluble in water since they are solvated through 
their hydroxyl groups. The potassium and ammonium 
bitartrates are not very soluble in water, although most 
alkali metal salts of tartaric acid are soluble. Sodium 
citrate is used sometimes to dissolve water-insoluble 
acetylsalicylic acid since the soluble acetylsalicylate ion 
is formed in the reaction. The citric acid that is 
produced is also soluble in water, but the practice of 
dissolving aspirin by this means is questionable since 
the acetylsalicylate is also hydrolyzed rapidly. 

Aromatic acids react with dilute alkalies to form 
water-soluble salts, but they may be precipitated as the 
free acids if stronger acidic substances are added to the 
solution, They may also be precipitated as heavy metal 
salts should heavy metal ions be added to the solution. 
Benzoic acid is soluble in sodium hydroxide solution, 
alcohol, and fixed oils. Salicylic acid is soluble in alkalies 
and in alcohol. The OH group of salicyclic acid cannot 
contribute to the solubility since it is involved in an 
intramolecular hydrogen bond (p. 24). 

Phenol is weakly acidic and only slightly soluble in 
water but is quite soluble in dilute sodium hydroxide 
solution. 

C6H50H + NaOH -+ C6H50 - + Na" + H20 

Phenol is a weaker acid than H2C03 and is thus 
displaced and precipitated by CO2 from its dilute alkali 
solution. For this reason, carbonates and bicarbonates 
cannot increase the solubility of phenols in water. 

Many organic compounds containing a basic nitrogen 
atom in the molecule are important in pharmacy. These 
include the alkaloids, sympathomimetic amines, antihis-
tamines, local anesthetics, and others. Most of these 

weak electrolytes are notvery soluble in water but are 
soluble in dilute solutions of acids; such compounds as 
atropine sulfate and tetracaine hydrochloride are 
formed by reacting the basic compounds with acids. 
Addition of an alkali to a solution of the salt of these 
compounds precipitates the free base from solution if 
the solubility of the base in water is low. 

The aliphatic nitrogen of the sulfonamides is suffi-
ciently negative so that these drugs act as slightly 
soluble weak acids rather than as bases. They form 
water-soluble salts in alkaline solution by the following 
mechanism. The oxygens of the sulfonyl (-S02-) 
group withdraw electrons, and the resulting electron 
deficiency of the sulfur atom results in the electrons of 
the N: H bond being held more closely to the nitrogen 
atom. The hydrogen therefore is bound less firmly, and, 
in alkaline solution, the soluble sulfonamide anion is 
readily formed. 

N·a+ liD-00 
 

  j NH2 

o 
Sulfadiazine anion in 
a sodium hydroxide 

solution 

The sodium salts of the sulfonamides are precipitated 
from solution by the addition of a strong acid, or by a 
salt of a strong acid and a weak base such as ephedrine 
hydrochloride. 

Reaction of barbituric acid 
derivative with sodium 
hydroxide to form the 
anion of the weak acid 

The barbiturates, like the sulfonamides, are weak 
acids because the electronegative oxygen of each acidic 
carbonyl group tends to withdraw electrons and to 
create a positive carbon atom. The carbon in turn 
attracts electrons from the nitrogen group and causes 
the hydrogen to be held less firmly. Thus, in sodium 
hydroxide solution, the hydrogenis readily lost, and the 
molecule exists as a soluble anion of the weak acid. 
Butler et ale38 have demonstrated that, in highly 
alkaline solutions, the second hydrogen ionizes. The 
pKl for phenobarbital is 7.41 and the pK2 is 11.77. 
Although the barbiturates are soluble in alkalies, they 
are precipitated as the free acids when a stronger acid 
is added and the pH of the solution is lowered. 
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Chapter 10 • Solubility and Distribution Phenomena 233 

Calculating the Solubility of Weak Electrolytes as Influ-
enced bypH. From what has been said about the effects 
of acids and bases on solutions of weak electrolytes, it 
becomes evident that the solubility of-weak electrolytes 
is strongly influenced by the pH of the solution. For 
example, a 1% solution of phenobarbital sodium is 
soluble at pH values high in the alkaline range. The 
soluble ionic form is converted into molecular phenobar-
bital as the pH is lowered, and below 8.3, the drug 
begins to precipitate from solution at room tempera-
ture. On the other hand, alkaloidal salts such as 
atropine sulfate begin to precipitate as the pH is 
elevated. 

To ensure a clear homogeneous solution and maxi-
mum therapeutic effectiveness, the preparations should 
be adjusted to an optimum pH. The pH below which the 
salt of a weak acid, sodium phenobarbital, for example, 
begins to precipitate from aqueous solution is readily 
calculated in the following manner. 

Representing the free acid form of phenobarbital as 
HP and the soluble ionized form as P-, the equilibria in 
a saturated solution of this slightly soluble weak 
electrolyte are 

HPsolid  HPsol (10-54) 
HPsol + H20  H30+ + P- (10-55) 

Since the concentration of the un-ionized form in 
solution HPsol is essentially constant, the equilibri-
um constant for the solution equilibrium, equation 
(10-54) is 

So = [HP]sol (10-56) 
and the constant for the acid- base equilibrium, equa-
tion (10-55), is 

(10-57) 

or 

[P-] = K [HPJ (10-58) 
a [H30 +] 

in which the subscript "sol" has been deleted from 
[HP]soh since no confusion should result from this 
omission. 

The total solubility.S of phenobarbital consists of the 
concentration of the undissociated acid [HP] and the 
conjugate base or ionized form [P-]: 

(10-59) 

Substituting So for [HP] from equation (10-56) and the 
expression from equation (10-58) for [P-] yields 

S = S + K So (10-60) 
o a [H30 +] 

S = So (1 + Ka ) (10-61)
[HaO+] 

Equation (10-61) has been expressed in various forms 
by Krebs and Speakman'" Albert,40 Higuchi;" Kosten-
bauder et al., 42 and others. 

When the electrolyte is weak and does not dissociate 
appreciably, the solubility of the acid in water or acidic 
solutions is 80 = [HP], which, for phenobarbital is 
approximately 0.005 molelliter, in other words, 0.12%. 

The solubility equation may be written in logarithmic 
form, beginning with equation (10-60). By rearrange-
ment, we obtain 

(8 - 8) = K So 
o a [H30 +] 

log (8 - So) = log K a + log So - log [HaO+] 

and finally 

8 - So 
pHp = pKa + log So (10-62) 

in which pHp is the pH below which the drug separates 
from solution as the undissociated acid. 

In pharmaceutical practice, a drug such as phenobar-
bital is usually added to an aqueous solution in the 
soluble. salt form. Of the initial quantity of salt, sodium 

. phenobarbital, that can be added to a solution of a 
certain pH, some of it is converted into the free acid HP 
and some remains in the ionized form P- (equation 
(10-59). The amount of salt that can be added initially 
before the solubility [HP] is exceeded is therefore equal 
to 8. As seen from equation (10-62), pHp depends on 
the initial molar concentration 8 of salt added., the 
molar solubility of the undissociated acid 80' and the 
pKa• Equation (10-62) has been used to determine the 
pKa of sulfonamides and other drugs (see references 49 
to 52).Solubility and pH data may also be used to obtain 
the pKl and pK2 values of dibasic acids as suggested by 
Zimmerman43 and by Blanchard et a1. 44 

Exampl' 10- 16. Below what pH will free phenobarbital begin to 
separate from a solution· having an initial concentration of 1 g of 
sodium phenobarbital per 100 mL at 25° C? The molar solubility Soof 
phenobarbital is 0.0050 and the pKa = 7.41 at 25° C. The secondary 
dissociation of phenobarbital, referred to previously, may ordinarily 
be disregarded. The molecular weight of sodium phenobarbital is 254. 

The molar concentration of salt initially added is 
glliter 10 . = - = 0.039 molellitermol. wt. 254 

= 741 I (0.039 - 0.(05) = 824Hp p • + og 0.005 · 

An analogous derivation may be carried out to obtain 
the equation for the solubility of a weak base as a 
function of the pH of a solution. The expression is 

So 
pHp = pKw - pKb + log S _ So (10-63) 

in which 8 is the concentration of the drug initially  
. added as the salt and So is the molar solubility of the  

free base in water. Here pHp is the pH above which the  
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234 Physical Pharmacy 

drug begins to precipitate from solution as the free 
base. 

The Influence of Solvents on the Solubility of Drugs. 
Weak electrolytes may behave like strong electrolytes 
and like nonelectrolytes in solution. When the solution 
is of such a pH that the drug is entirely in the ionic 
form, it behaves as a solution of a strong electrolyte and 
solubility does not constitute a serious problem. How-
ever, when the pH is adjusted to a value at which 
un-ionized molecules are produced in sufficient concen-
tration to exceed the solubility of this form, precipita-
tion occurs. In this discussion, we are now interested in 
the solubility of nonelectrolytes and the undissociated 
molecules of weak electrolytes. The solubility of undis-
soeiated .phenobarbital in various solvents is discussed 
here because it has been studied to some extent by 
pharmaceutical'investigators. 

Frequently a solute is more soluble in a mixture of 
solvents than in one solvent alone. This phenomenon is 
known as cosolvency, and the solvents that, in combi-
nation, increase the solubility of the solute are called 
cosolvents. Approximately 1 g of phenobarbital is 
soluble in 1000 mL of water, in 10 mL of alcohol, in 40 
mL of chloroform, and in 15 mL of ether at 25° C. The 
solubility of phenobarbital in water-alcohol-glycerin 
mixtures is plotted on a semilogarithm grid in Figure 
10-7 from the data of Krause and Cross. 45 

By drawing lines parallel to the abscissa in Figure 
10-7 at a height equivalent to the required phenobar-
bital concentration, it is a-simple matter to obtain the 
relative amounts of the various combinations of alcohol, 
glycerin and water needed to achieve solution. For 
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Fil. 10-7. The solubility of phenobarbital in a mixture of water, 
alcohol, and glycerin at 25°C. The vertical axisis a logarithmic scale 
representing the solubility of phenobarbital in g/l00 mL. (After G. M. 
Krause and J. M. Cross, J. Am. Phann. Assoc., Sci. Ed. 40, 137, 
1951, reproduced with pennission of the copyright owner.) 

example, at 22%alcohol; 40%glycerin, and the remain-
der water (38%), 1.5% w/v of phenobarbital is dissolved, 
as seen by following the vertical and horizontal lines 
drawn on Figure 10-7. 

Combined Effect of pH and Solvents. The solvent affects 
the solubility of a weak electrolyte in a buffered solution 
in two ways: 

1. The addition of alcohol to a buffered aqueous 
solution of a weak electrolyte increases the solubility of 
the un-ionized species by adjusting the polarity of the 
solvent to a more fayorable value. 

2. Being less polar than water, alcohol decreases the 
dissociation of a weak 'electrolyte, and the solubility of 
the drug goes down as the dissociation constant is 
decreased (pKa is increased). 

Stockton and Johnson" and Higuchi et a1. 47 studied 
the effect of an increase of alcohol'concentration on the 
dissociation constant of sulfathiazole, and Edmonson 
and Goyan48 investigated the effect of alcohol on the 
solubility of phenobarbital. 

Agarwal and. Blake49 and Schwartz et a1. 50 deter-
mined the solubility of phenytoin as a function of pH 
and alcohol concentration in various buffer systems and 
calculated the apparent dissociation constant. Kramer 
and Flynn51 examined the solubility of hydrochloride 
salts of organic bases as a function of pH, temperature, 
and solvent composition. They described the determi-
nation of the pKa of the salt fromthe solubility profileat 
various temperatures and in several solvent systems. 
Chowhan52 measured and "calculated the solubility of 
the organic carboxylic acid, naproxen, and its sodium, 
potassium, calcium, and magnesium salts. The ob-
served solubilities were in excellent agreement with the 
pH-solubility profiles based on equation  

The results of Edmonson and Goyan48 are shown in 
Figure 10-8, where one observes that the pKa of 
phenobarbital, 7.41, is raised to 7.92 in a hydroalcoholic 
solution containing 30% by volume of alcohol. Further-
more, as can be seen in Figure 10-7 the solubility So of 
un-ionized phenobarbital is increased from 0.12 g/l00 
mL or 0.005 M in water to 0.64% or 0.0276 M in a 30% 

9.0,..------------.., 

pKa 8.0 

10 20 30 40 50 
Alcohol (% by volume) 

Fil. 10-8. The influence of alcohol concentration on the dissociation 
constant of phenobarbital. (After T. D. Edmonson and J. E. Goyan, 
J. Am. Pharm. Assoc., Sci. Ed. 47, 810, 1958, reproduced with 
pennission of the copyright owner.) 

0.2 
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alcoholic solution. The calculation of solubility as .a 
function of pH involving these results is illustrated in 
the following example. 

Example 10- 17. What is the minimum pH required for the 
complete solubility of the drug in a stock solution containing 6 g of 
phenobarbital sodium in 100 mL of a 30% by volume alcoholic 
solution? From equation (10-62): 

H - 7 92 1 (0.236 - 0.028) 
p p -. + og 0.028 

pHp = 7.92 + 0.87 = 8.79 
For comparison, the minimum pH for complete solubility of 

phenobarbital in an aqueous solution containing no alcohol is com-
puted using equation (10-62). 

H = 7 41 + I (0.236 - 0.(05) = 9 07 p p • og 0.005 · 

From the calculations of Example 10-17, it is seen that 
although the addition of alcohol increases the pKa , it 
also increases the solubility of the un-ionized form of the 
drug over that found in water sufficiently so that the pH 
may be reduced somewhat before precipitation occurs. 

Equations (10-62) and (10-63) can be made more 
exact if activities are used instead of concentrations to 
account for interionic attraction effects. This refine-
ment, however, is seldom required for practical work, 
in which the values calculated from the approximate 
equations just given serve as satisfactory estimates. 

Influence ofSUrfactants. Weakly acidic and basic drugs 
may be brought into solution by the solubilizing action 
of surface-active agents. Solubilization of drugs in 
micelles is discussed as a colloidalphenomenon on pages 
410 to 414, but it is appropriate here to describe 
the influence of surface-active agents on the solubility of 
drugs in quantitative terms along with the solubilizing 
effects of solvents, such as glycerin and ethanol. 

Rippie et al.53 investigated the micellar solubilization 
of weak electrolytic drugs by aqueous solutions of the 
nonionicsurfactant polysorbate 80. The terminology of 
Rippie and associates is used in the following descrip-
tion of the theory. 

The total solubility DT of an acidic drug is expressed 
as the sum of the concentrations of species in solution: 

D T = (D) + (D-) + [D] + [D-] (10-64) 

in which (D) and (D-) are nonionized acid and' ionized 
acid, respectively, not in the micelles; [D] and [D-] are 
nonionized and ionized acid, 'respectively, present in the 
micelles. The drug is considered to partition between 
the aqueous solution and the surfactant micelles accord-
ing to the expression 

(10-65) 

for the nonionized acid, and 

(iO-66) 

for the ionized acid. 
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The subscript 0 represents concentrations expressed 
relative to individual phase volumes rather than the 
total volume of the system. In terms of total volume, 
equations (10-65) and (10-66) become 

K' = [D][1 - (M)] (10-67) 
(D)(M) 

K" =  - (M)] (10-68) 
(D-)(M) 

The concentration term, (M), is the volume fraction of 
surfactant as micelles in solution; the amount in true 
solution would be small and can be neglected. Now, 1 -
(M) can be set equal to unity in equations (10-67) and 
(10-68), yielding 

[D] = K' (D)(M) (10-69) 

[D-] = K' (D-)(M) (10-70) 

The total drug solubility, DT*, in a solution at a definite 
pH and in the absence of the surfactant (DT * == S in 
equation (10-59» is defined as 

D T * = (D) + (D-) '(10-71) 

The fraction, (D)/DT*, of un-ionized drug in the 
aqueous phase is 

(D) _ (H+) (10-72)
DT* s; + (H+) 

or 
K + (H+)

D * = (D) a (10-73)
T (H+) 

Using the relationships just given, Rippie et a1. 53 

obtained the expression 

DT [(H+)K' + KJr']
DT* = 1 + (M) K; + (H+) (10-74) 

in which DT is total drug solubility in the presence of 
surfactant, according to equation (10-64). With equa-
tion (10-74), one may calculate total drug solubility in a 
solution of a definite pH and having a volume .fraction 
(M) of surfactant present in the form of micelles. 

Exampl, '0-'8. Calculate the solubility of   25°C in 
(a) a pH 6.0 buffer and (b) a pH 6.0 buffer containing 4% by volume 
(i.e., 0.04 volume fraction) polysorbate 80 (Tween 80). The aqueous 
solubility of nonionized sulfisoxazole at 25° C is 0.15 glliter, its Ka = 
7.60 X 10-6, and the apparent partition coefficient of the molecular 
drug, K', and its anion, K", between polysorbate 80 micelles and 
water are 79 and 15, respectively. (K' and Ie' are dimensionless 
constants. ) 

(a) From equation (10-73), the total drug solubility at pH 6 in the 
absence of the surfactant is 

(7.6 x 10-6) moleslliter ] 
6

DT* = 0.15 glliter + (1.0 x 10- ) moles/liter = J.29 [ 
(1.0 x 10-6) moles/liter 

(b) From equation (10-74), the total solubility of sulfisoxazolein a 
pH 6 buffer in the presence of 4% Tween 80 is 
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236 Physical Pharmacy 

6)(79) 6)(15)]}Dr = (1.29) {I + (0.04) x [(1 x 10- + (7.6 x 10-
. (7.6 x 10- 6) + (1 X 10;-6)  

Dr  2.4fj g/liter 
- The presence of the surfactant has almost doubled the concentra-
tion of the drug in solution. 

The total solubility of a basic drug corresponding to 
that for an acidic drug, equation (10-64), in a solution 
containing a micellar surfactant, is 

(10-75) 
in which D+ is the cationic acid species and D" is the 
nonionized base. The ionization of a molecular (nonionic) 
base, procaine, is represented as 

(R3N)  
Procaine  

(nonionic base)  

(R3NH+) 
Procaine cation 

(ionic acid conjugate to 
Procaine base ) (10-76). 

The dissociation equilibrium for this reaction is written 
[RgNH+][OH-] 

(10-77)Kb = [RsN] 

The dissociation also may be written in terms of the 
procaine cation to obtain the acid dissociation con-
stant, s; 

RgNH+ + H20  RgN + HgO+ (10-78) 

K = [RsN][HsO+] (9) 
a [RsNH+] 10-7 

As noted earlier in the text, the following relationship 
holds 'between a molecular base and its cationic acid 
(also between a molecular acid and its anionic base): 

KaKb = s; (10-SO) 
and 

pKa + pKb = pKw (10-81) 
For a molecular base such as procaine, 

(10-82) 

(10-83)  

and 

DT [KaK f + (H+)K"]- = 1 + (M) (10-84)
DT* Ka + (H+) 

in which (D) is the free acid not in the micelle, (D+) is 
the cationic acid, conjugate to the molecular base, not in 
the micelle, and the other terms have the same 
meanings as defined earlier. The expressions permit the 
calculation of solubilization of a weakly basic drug, such 
as procaine, in aqueous solutions of a micellar solubiliz-
ing agent such as polysorbate 80. 

Example '0- '9. The aqueous solubility of procaine base at 25°C is 
5 glliter, its Ka is 1.4 X  and the apparent partition coefficient for 
the molecular base is K' = 30; for its cationic acid, K" = 7.0. Calculate 
the solubility of procaine in a pH 7.40 buffer containing 3% (w/v) 
polysorbate BO. 
(a) 

Ka + (H+)] [(1.4 x 10-9) + (3.98 x 10-8)] 
Dr* = (D) [ K = (5.0) 

a (1.40 X 10- 9) 

= 147.2 glliter 
(b), . 

9 8)(7)]}Dr = 147.2{1 + (0.03) x [(1.4 x 10- )(30) + (3.98 x 10-
(1.40 x 10-9) + (3.98 x 10-8) 

= 181.6 glliter 
What is the fraction of the drug in the aqueous phase and the fraction 
in the micelles? 

Total drug in aqueous phase, Dr* = 147.2 g/liter = 0.81 
Total drug in aqueous phase and micelles, Dr 181.6 g/liter 

Thus, the fraction 0.81 of procaine exists in the aqueous 
phase, and the remainder, 0.19, resides in the micelles. 
The solubility of procaine is increased by one quarter 
over that in aqueous buffer owing to the surfactant 
micelles. 

Influence of Complexation in Multicomponent Systems. 
Many liquid pharmaceutical preparations consist of 
more than a single drug in solution. Fritz et al.54 have 
shown that when several drugs together with pharma-
ceutical adjuncts interact in solution to form insoluble 
complexes, simple solubility profiles of individual drugs 
cannot be used to predict solubilities in mixtures of 
ingredients. Instead, the specific multicomponent sys-
tems must be studied to estimate the complicating 
effects of species interactions. 

Influence ofOther Factors on the Solubility ofSolids. The 
size and shape of small particles (those in the microme-
ter range) also affect solubility. Solubility increases 
with decreasing particle size according. to the approxi-
mate equation 

)1 8 _ 21V (10-85)og 80 - 2.303RTr 

in which 8 is the solubility of the fine particles; 80 is the 
solubility of the solid consisting of relatively large 
particles; 'Y is the surface tension of the particles, 
which, for solids, unfortunately, is extremely difficult to 
obtain; V is the molar volume (volume in em" per mole 
of particles); r is the final radius of the particles in em; 
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R is the gas constant (8.314 x 107 erg/deg mole); and T 
is the absolute temperature. The equation may be used 
for solid or liquid particles such as those in suspensions 
or emulsions. The following example is taken from the 
book by Hildebrand and Scott. 55 

Example 10- 20. A solid is to be comminuted so as to increase its 
solubility by 10%,i.e., 8180 is to become 1.10. What must be the final 
particle size, assuming that the surface tension of the solid is 100 
dynes/cm and the volume per mole is 50 cm3? The temperature is 
270 c. 

2 x 100 x 50 
r =-----------

2.303 x 8.314 x 107 x 300 x 0.0414 
= 4.'2 x 10-6 em = 0.042 JLrn 

The effects of particle size on the solubility of a solid 
have been reviewed in some detail by May and 
Kolthoff,56 and the interested reader should refer to 
their report. 

'I'he configuration of a molecule and the kind of 
arrangement in the crystal also has some influence on 
solubility, and a symmetric particle may be less soluble 
than an unsymmetric one. This is because solubility 
depends in part on the work required to separate the 
particles of the crystalline solute. The molecules of the 
amino acid -a-alanine form a compact crystal with high 
lattice energy and consequently low solubility. The 
molecules of a-amino-n-butyric acid pack less efficiently 
in the crystal, partly because of the projecting side 
chains, and the crystal energy is reduced. Conse-
quently, a-amino-n-butyric acid has a solubility of 1.80 
moleslliter and a-alanine only 1.66 moleslliter in water 
at 25° C, although the hydrocarbon chain of a-amino-n-
butyric acid is the longer of the two compounds. 

DISTRIBUTION OF SOLUTES BETWEEN IMMISCIBLE  
SOLVENTS  

If an excess of liquid or solid is added to a mixture of 
two immiscible liquids, it will distribute itself between 
the two phases so that each becomes saturated. If the 
substance is added to the immiscible solvents in an 
amount insufficient to saturate the solutions, it will still 
become distributed between the two layers in a definite 
concentration ratio. 

If eland c2 are the equilibrium concentrations of the 
substance in solvent, and solventj, the equilibrium ex-
pression becomes 

(10-86) 

The equilibrium constant K is known as the distribution 
ratio, distribution coefficient, or partition coefficient. 
Equation (10-86), which is known as the distribution 
law, is strictly applicable only in dilute solutions in 
which activity coefficients may be neglected. 

Example 10-21. When boric acid is distributed between water and 
amyl alcohol at 250 C', the concentration in water was found to be 
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0.0510 mole/liter and in amyl alcohol it was found to be 0.0155 
molelliter. What is the distribution coefficient? 

K =  = 0.0510 = 3.29  
Calc 0.0155  

No convention has been established with regard to whether the con-
centration in the water phase or in the organic phase should beplaced 
in the numerator. Therefore, the result may also be expressed as 

K = Calc = 0.0155 = 0.304 
0.0510CH20 

One should always specify in which of these two ways the distribution 
constant is being expressed. 

A knowledge of partition is important to the pharma-
cist, for the principle is involved in several areas of 
current pharmaceutical interest. These include preser-
vation of oil-water systems, drug action at nonspecific 
sites, and the absorption and distribution of drugs 
throughout the body. Certain aspects of these topics 
are discussed in the following sections. 

Effect on Partition of Ionic Dissociation and Molecular 
Association. The solute may exist partly or wholly as 
associated molecules in one of the phases or it may 
dissociate into ions in either of 'the liquid phases. The 
distribution law applies only to the concentration of the 
species common to both phases, namely, the monomer 
or simple molecules of the solute. 

Consider the distribution of benzoic acid between an 
oil phase and a water phase. When it is neither 
associated in the oil nor dissociated into ions in the 
water, equation (10-86) can be used to compute the 
distribution constant. When association and dissocia-
tion occur, however, the situation becomes more com-
plicated. The general case in which benzoic acid associ-
ates in the oil phase and dissociates in the aqueous 
phase is shown schematically in Figure 10-9. 

Two cases will be treated. First, according to Garrett 
and Woods, 57 benzoic acid is considered to be distrib-
uted between the two phases, peanut oil and water. 
Although benzoic acid undergoes dimerization (associa-
tion to form two molecules) in many nonpolar solvents, 
it does not associate in peanut oil. It ionizes in water to 

Co 

COil phase 
Water phase 

Fil. 10-9. Schematic representation of the distribution of benzoic 
acid between a water and an oil phase. (The oil phase is depicted 88 '8 

magnified oil   

 PFIZER, INC. v. NOVO NORDISK A/S - IPR2020-01252, Ex. 1057, p. 68 of 81

DKumar
Sticky Note
None set by DKumar

DKumar
Sticky Note
MigrationNone set by DKumar

DKumar
Sticky Note
Unmarked set by DKumar



238 Physical Pharmacy 

a deg;.ee, however, depending on the pH of the 
solution. 'Therefore, in Figure 10-9 for the case under 
consideration, Co, the total concentration of benzoic 
acid in the oil phase, is equal to [HA]o, the monomer 
concentration in the oil phase, since association does not 
occur in peanut oil. 

The species common to both the oil and water phases 
are the unassociated and undissociated benzoic acid 
molecules. The distribution is expressed as 

[HA]o Co ) 
K = [HA]w = [HA]w (10-87 

in which K is the true distribution coefficient [HA]o = 
Cois the molar concentration of the simple benzoic acid 
molecules in the oil phase, and [HA]w is the molar 
concentration of the undissociated acid in the water 
phase. 

The total acid concentration obtained by analysis of 
the aqueous phase is 

C; = [HA]w + [A-]w (10-88) 

and the experimentally observed or apparent distribu-
tion coefficient is 

K' = [HAlo Co (10-89)
[HA]w + [A-]w = Cw 

As seen in Figure 10-9, the observed distribution 
coefficient depends on two equilibria: the distribution of 
the undissociated acid ·between the immiscible phases 
as expressed in equation (10-87), and the species 
distribution of the acid in the aqueous phase, which 
depends on the hydrogen ion concentration [HsO+] and 
the dissociation constant Ka of the acid. 

[HgO+][A-]w 
(10-90)K; = [HAlw 

Association of benzoic acid in peanut oil does not occur, 
and Kd (the equilibrium constant for dissociation of 
associated benzoic acid" into monomer in the oil phase) 
may be neglected in this case. 

Given these equations and the fact that the concen-
tration C of the acid in the aqueous phase before distri-
bution, assuming equal volumes of the two phases, is* 

*The meaning of C in equation (10-91) is  n:adily br 
considering a simple illustration. Suppose one begins WIth1 liter of 011 
and 1 liter of water and after benzoic acid has been distributed 
between the two phas'es, the concentration Co of  acid.in  oil 
is 0.01 molelliter and the concentration Cw of benzoic acid in the 
aqueous phase is 0.01 molelliter. Accordingly, 'there is 0.02 mole12 
liter or 0.01 mole of benzoic acid per liter of total mixture after 
distribution equilibrium hasbeen attained. Equation (10-91) gives 

C = Co + Cw = 0.01 molelliter + 0.01 mole/liter 
= 0.02 molelliter 

The concentration C obviously is not the total concentration of the 
acid in the mixture at equilibrium but, rather, twice this value. C is 
therefore seen to be the concentration of benzoic acid in the water 
phase (or the oil phase) before the distribution is carried out. 

C == Co + C; (10-91) 

one arrives at the combined result, t 
Ka + [HgO+] = Ka K + I[H 0+] (10-92)

C C + C gw 

Expression (10-92) is a linear equation of the form, y = 
a + be, and therefore a plot of (Ka + [HsO+])ICw 
against [HsO+] yields a straight line with a slope b = (K 
+ 1)ICand an intercept a = KaIC. The true distribution 
coefficient K can thus be obtained over the range of 
hydrogen ion concentration considered. Alternatively, 
the true distribution constant could be obtained accord-
ing to equation (10-87) by analysis of the oil phase and 
of the water phase "at a sufficiently low pH (=:2.0) at 
which the acid would exist completely in the un-ionized 
form. One of the advantages of equation (10-92), 
however, is that the oil phase need not be analyzed; 
only the hydrogen ion concentration and Cun the total 
concentration' remaining in the aqueous phase at equi-
librium, need be determined. 

Exampl. '0-22. According to Garrett and Woods,57 the plot of 
(Ka + [HaO+])/Cw against [HaO+] for benzoic acid distributed ?e:-
tween equal volumes of peanut oil and a buffered aqueous solution 
yielded a slope b = 4.16 and an intercept a = 4.22 x 10- 5• The K; of 
benzoic acid is 6.4 x 10-5• Compute the true partition coefficient, K, 
and compare it with the value K = 5.33 obtained by the authors. 

b = (K + 1)/C 
or 

K=bC-1 

tEquation (10-92) is obtained as follows. Substituting for [A-]w 
from equation (10-90) into equation (10-89) gives 

[HA]o [HA]o[HaO+]
K'= = (a) 

Ka[HA]w [HA]w(Ka + [HaO+]) 
[HA]w + -[H-a-O-+-] 

Then [HA]w from equation (10-87) is substituted into (a) to eliminate 
[HA]o from the equation: 

[HAJo[HaO+] K[HaO+]
K'=------- (b) 

[HA]JK(Ka + [HsO+]) s; + [HsO+] 
The apparent distribution constant is eliminated by substituting 
equation (b) into equation (10-89) to give 

K[HsO+] Co 
K + [HaO+] = Cwa 

or 
K[HaO+]Cw 

Co = - - - - (c)s; + [HsO+] 
Co is eliminated by substituting equation (c) into equation (10-91): 

K[HsO+]Cw C 
C = + ws; + [HaO+]  

K[HaO+]Cw + (Ka +" [HsO+])Cw  
(d)

K; + [HsO+] 
Rearranging equation (d) gives the final result: 

Ka + [HsO+] [HaO+](K + 1) + Ka 

Cw C 
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Chapter 10 • Solubility and Distribution Phenomena 239 

, Since 
Ka 

a = KalC or C = -a 
the expressionbecomes 

bKa bKa - a 
K=--l=--a a 

K = (4.16 x 6.4 x 10-5) - 4.22 X 10-5 = 5.31 
4.22 x 10-5 

Second, let us now consider the case in which the 
solute is associated in the organic phase and exists as 
simplemolecules in the aqueous phase. If benzoic acid is 
distributed between benzene and acidified water, it 
exists mainly as associated molecules in the benzene 
layer and as undissociated molecules in the aqueous 
layer. 

The equilibrium between simple molecules HA and 
associated molecules (HA)n in benzene is 

(HA)n  n(HA) 
Associated molecules Simple molecules 

I 

and the equilibrium constant expressing the dissocia-
tion of associated molecules into simple molecules in 
this solvent is 

(10-93) 

or 

(10-94) 
Since benzoic acid exists predominantly in the form of 
double molecules in benzene, Co may replace  
where Co is the total molar concentration of the solute 
in the organic layer. Then equation (10-94) may be 
written approximately as 

[HA]o == constant x  (10-95) 
In conformity with the distribution law as given in 
equation (10-87), the true distribution coefficient is 
always expressed in terms of simple species common to 
both phases, that is, in terms of [HAJw and [HA]o. In 
the benzene-water system, [HA]o is given by equation 
(10-95), and the modified distribution constant be-
comes 

(10-96) 

The results for the distribution of benzoic acid between 
benzene and water, as given by Glasstone,58 are found 
in Table 10-13. 

A third case, involving both association in the organic 
phase and dissociation in the aqueous phase, might be 
treated at this point but will be deferred until a later 
section. It follows directly from the two cases already 
presented, as will be illustrated in Example 10-25 
dealing with preservative action. Various cases of 

TABLE 10-13. DistributiDIfof BenzDic Acidbetween Benzene 
and Acidified Wate, at 60 C* 

Theconcentrations areexpressed  
in moles per liter  

[HAL Co K" = y'Cj[HAJw  

0.00329 0.0156 38.0 
0.00579 0.0495 38.2 
0.00749 0.0835 38.6 
0.0114 0.195 38.8 

*From S. Glasstone, Textbook of Physical Chemistry, Van Nostrand, New York, 
1946, p. 738. 

distribution are treated most adequately by Davies and 
Hallam. 59 

Extraction. To determine the efficiency with which 
one solvent can extract a compound from a second 
solvent-an operation commonly employed in analytic 
chemistry and in organic chemistry-we follow Glass-
tone. 60 Suppose that W grams of a solute are extracted 
repeatedly from VI mL of one solvent with successive 
portions of V2 mL of a second solvent, which is 
immiscible with the first. Let WI be the weight of the 
solute remaining in the original solvent after extracting 
with the first portion of the other solvent. Then the 
concentration of solute remaining in the first solvent is 
(wI1V1) g/mL and the concentration of the solute in the 
extracting solvent is (w - w1)1V2 g/mL. The distribu-
tion coefficient is thus 

concentration of solute 
K = in original solvent 

concentration of solute 
in extracting solvent 

K = wINI (10-97)(w - Wf)V2 

or 

KVI 
WI= W KV + V 

I 2(lO-98) 

The process can be repeated, and after n extractions'" 

{ KVI )n (10-99)Wn = \XVI + V2W 

By use of this equation, it can be shown that most 
efficient extraction results when n is large and V2 is 
small, in other words, when a large number of extrac-
tions are carried out with small portions of extracting 
liquid. The development just· described assumes com-
plete immiscibility of the' two liquids. When ether is 
used to extract organic compounds from water, this is 
not true; however, the equations provide approximate 
values that are satisfactory forpraetical purposes. The 
presence of other solutes, such as salts, may also affect 
the results by complexing with the solute or by salting 
out one of the phases. 
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Example 10-23. The distribution coefficient for iodine between 
water and carbon tetrachloride at 250 C is K =  = 0.012. 
How many grams of iodine are extracted from a solution in water 
containing 0.1 g in 50mL by one extraction with 10 mL of  How 
many grams are extracted by two 5-mL portions of CC14? 

0.012 x 50 
WI = 0.10 x (0.012 x 50) + 10 

= 0.0057 g remain or 0.0943 g are extracted 

( 
0.012 x 50 )2 

W2 = 0.10 x (0.012 x 50) + 5 

= 0.0011 g of iodine 
Thus, 0.0011 g of iodine remains in the water phase, and the two 
portions of CC14 have extracted 0.0989g. 

Solubility and Partition Coefficients. Hansch et al.61 

observed a relationship between aqueous solubilities of 
nonelectrolytes and partitioning. Yalkowsky and Val-
vani62 obtained an equation to determine the aqueous 
solubility of liquid or crystalline organic compounds: 

, log S = - log K 

 - 25)
-1.11 1364 + 0.54 (10-100) 

in which S is aqueous solubility in moleslliter, K is the 
octanol-water partition coefficient,  is the molar 
entropy of fusion, and mp is the melting point of a solid 
compound on the centigrade scale. For a liquid com-
pound, mp is assigned a value of 25 so that the second 
right-hand term of equation (10-100) becomes zero. 

The entropy of fusion and the partition coefficient 
may be estimated from the chemical structure of the 
compound. For rigid molecules,  = 13.5 entropy 
units (eu). For molecules with n greater than five 
nonhydrogen atoms in a flexible chain, 

 = 13.5 + 2.5(n - 5) eu (10-101) 

Leo et al.61 have provided partition coefficients for a 
large number of compounds. When experimental values 
are not available, group contribution methods (Leo et 
ale ,61 Rekker63) are available for estimating partition 
coefficients. 

Exampl. 10-24. Estimate the molar aqueous solubility of heptyl 
p-aminobenzoate, mp 750 C at 250 C. 

o 
 

It is first necessary to calculate 481 and log K. 
There are nine nonhydrogens in the ftexible chain (C, 0, and seven 

carbons). Using equation (10-101), we obtain: 
48f = 13.5 + 2.5 (9 - 5) = 23.5 eu 

For the partition coefficient, Leo et al.8t give log K of benzoic acid a 
value of 1.87, the contribution of NH2 is -1.16, and CH2 = 0.50 or 
7 x 0.50 = 3.50 for the seven carbon atoms in the chain. 

log K (heptyl p-aminobenzoate) = 1.87 - 1.16 + 3.50 = 4.21 
These values are substituted into equation (10-100): 

log S = -4.21 - 1.11 (23.5 25») + 0.54 

-
log S = -4.63 

SCcalc) = 2..36 X 10- 5 M 
SCobs) = 2.51 X 10- 5 M 

Preservative Action ofWeak Acids inOil- Water Systems. 
Solutions of foods, drugs, and cosmetics are subject to 
deterioration by the enzymes of microorganisms that 
act as catalysts in decomposition reactions. These 
enzymes are produced by yeasts, molds, and bacteria, 
and such microorganisms must be destroyed or inhib-
ited to prevent deterioration. Sterilization and the 
addition of chemical preservatives are commonmethods 
used in pharmacy to preserve drug solutions against 
attack by various microorganisms. Benzoic acid in the 
form of its soluble salt, sodium benzoate, is often 'used 
for this purpose since it produces no injurious effects in 
humans when taken intemally in small quantities. 

Rahn and Conn'" showed that the preservative or 
bacteriostatic action of benzoic acid and similar acids is 
due almost entirely to the undissociated acid and not to 
the ionic form. These. investigators found that the 
yeast, Saccharomyces ellipsoideus, which grows nor-
mally at a pH of 2.5 to 7.0 in the presence of strong 
inorganic acids or salts, ceased to grow in the presence 
of undissociated benzoic acid when the concentration of 
the acid reached 25 mg/100mL. The preservative action 
of undissociated benzoic acid as compared with the 
ineffectiveness of the 'benzoate ion is presumably due to 
the relative ease with which the un-ionized molecule 
penetrates living membranes, and conversely, the 
difficulty with which the ion does so. The undissociated 
molecule, consisting of a large nonpolar portion, is 
soluble in the lipoidal membrane of the microorganism 
and penetrates rapidly. 

Bacteria in oil-water systems are generally located 
in the aqueous phase and at the oil-water interface. 
Therefore, the efficacy of a weak acid, such as benzoic 
acid, as a preservative for these systems is largely a 
result of the concentration of the undissociated acid in 
the aqueous phase. 

To calculate the total concentration of benzoic acid 
that must be added to preserve an oil-water mixture, 
we proceed as follows. Let us take the peanut oil-
water mixture considered by Garrett and Woods57 and 
begin by writing the expression 
C = qCo + Cw = q[HAlo + [HA]w + [A -]w (10-102) 

in which q = VcfVw' the volume ratio of the two phases, 
is needed when the volumes are not. equal. C is the 
original concentration of the acid in the water phase 
before the aqueous solution is equilibrated with peanut 
oil. Co is the molar concentration of the simple undis-
sociated molecules in the oil, because the acid does not 
dimerize or dissociate in the organic phase. Cw , the 
molar concentration of benzoic acid in water, is equal to 
the sum of the two terms, [HAlw and [A-]w, in this 
ionizing solvent. It is furthermore assumed that con-
centrations are approximately equal to activities. 
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The distribution of total benzoic acid among the 
various species in this system depends upon the 
distribution coefficient K, the dissociation constant Ka 
of the acid in the aqueous phase, the phase volume 
ratio, and the hydrogen ion concentration of the 
aqueous phase. To account for the first effect, we 
introduce the term K = [HA]J[HA]w or [HA]o = 
K[HA]w into equation (10-102). We write the dissoci-
ation constant,  = [HgO+][A-]w![H"Alw, or the ionic 
species [A-lw  Ka[HA]w!'[HgO+], to account for the 
influence of Ka and [HgO+] and substitute it also into 
equation (10-102). The expression then becomes 
C = Kq[HAlw + [HA]w + K a[HA]w/[H30 +] (10-103) 

Factoring out [HA]w, we have 

C = (Kq + 1 + K a/[H30 +])[H A ]w (10-104) 

or 

C[HAl w = (10-105)
Kq + 1 + K a/[H30 +] 

Equations (10-104) and (10-105) may be used to 
calculate the concentration C of total acid that must be 
added to the entire two-phase system to obtain a final 
specified concentration [HAlw of undissociated acid in 
the aqueous phase buffered at a definite pH or hydro-
gen ion concentration.65 

Kazmi and Mitchell66 and Bean et a1. 67 have also 
proposed calculations for preserving solubilized and 
emulsified systems that are slightly different from that 
of Garrett and Woods. 

Example 10-25. If benzoic acid is distributed between equal 
volumes of peanut oil and water, what must be the original 
concentration in the water phase in order that 0.25 mg/mL of 
undissociated acid remains in the aqueous phase buffered at a pH of 
4.01 The partition coefficient K = [HAlJ[HAlw is 5.33 and the 
dissociation constant of the acid in water is 6.4 x 10-5• Since the two 
phases are present in equal amounts, q = VJVw = 1. Equation 
(10-104) is employed. 

5 
C = (5.33 + 1 + 6.4 x 10- ) 0.25 

10- 4 

= 1.74 mg/mL 

In the case in which benzoic acid exists as a dimer in 
the oil phase, the modified distribution coefficient is 
K II = (l/[HAlw)v'C::, therefore equation (10-102) 
becomes 

C = K 112q[H A ]w2 + [HA]w 

+ Ka[H A ]w/[H30+] (10-106) 

and finally 

C = K,,2q[H A ]w + 1 + (Ka/[HsO+])[HA]w (10-107) 

Example 10-26. How much undissociated benzoic acid (molecular 
weight 122 g/mole) remains in the aqueous phase of an emulsion 
consisting of 100mL of benzene and 200 mL of water buffered at a pH 
of 4.21 Is this quantity sufficient to preserve the emulsion? The 
amount of benzoic acid initially added to the 200 mL of aqueous phase 
was 0.50 g. The dissociation constant of the acid is 6.4 x 10-5 (pKa = 

4.2), the hydrogen ion concentration of the solution is also 6.4 X 10-5, 

an2..9 is Vo I Vw = 1001200 = 0.5. The distribution coefficient K" = 
VCJ[HAlw == 38.5 as seen in Table 10-13. 

5}[H 
C = {[(38.5)2 x 0.5 x [HAlwl + 1 + 6.4 x 10- Alw 

6.4 x 10- 5 

0.50 molelliter 
(122)(0.200) = (741[HAlw + 2)[HAlw 

741[HAlw
2 + 2[HAl w - 0.0205 = 0 

[HAl = -2 + V4 + 60.75  
w 1482  

= 4.079 x 10- 3 molel1iter or 0.0996 g/200 mL aqueous phase 

Drug Action and Partition Coefficients. At the turn of the 
century, Meyer and Overton proposed the hypothesis 
that narcotic action of a nonspecific drug is a function of 
the distribution coefficient of the compound between a 
lipoidal medium and water. Later.it was concluded that 
narcosis was a function only of the concentration of the 
drug in the lipids of the 'cell. Thus, a wideffariety of 
drugs of different chemical types should"produce equal 
narcotic action at equal concentration in the lipoidal cell 
substance. Actually, as will be seen shortly, this is a 
restatement of the theory, first proposed by Ferguson 
and generally accepted today, that equal degrees of 
narcotic action should occur at equal thennodynamic 
activities of the drugs in solution. 

The activity of a vapor is obtained approximately by 
use of the equation (p. 134) 

PnarpO = amu (10-108) 

If Pnar is the partial pressure of a narcotic in solution 
just necessary to bring about narcosis, and pO is the 
vapor pressure of the pure liquid, narcosis will occur at 
a thermodynamic activity of anar• 

Exampl. 10-27. The vapor pressure po of pure propane is 13 atm 
and that of butane is 3 atm at 3rr» C. The partial vapor pressure of 
propane for narcosis in mice is 0.9 and that for butane is 0.2.-
Compute the thennodynamic activities of these two compounds 
required for equinarcotic action. 
(a) For propane: 

Pnar 0.9 anar = 11" =13 = 0.069 

(b) For butane: 

Pnar 0.2 ana.- = 11" =3" = 0.067 

A still more striking confirmation of the rule that 
equal degrees of narcosis occur at equal thermodynamic 
activities (rather than at equal partition coefficients as 
originally proposed by Meyer and Overton) is shown in 
Table 10-14. Here it is seen that ethanol,.n-propanol, 
and n-butanol have distribution coefficients of the same" 
order and all would be expected to show similar narcotic 
action. Thymol, on the other hand, has a partition 
coefficient roughly 10,000 times that of the straight-
chain alcohols, although its narcotic action is equal to 
that of the normal alcohols. 
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TABLE 10-14. Narcotic Action of Various CDmpounds 

Partition CoefficientConcentration of Compound  Approximate Activityof Narcotic Compoundin Water in Moles/Liter  of Narcotic 
K = COleyl alcoholRequired for Narcotic in Water or Lipoidal 

Substance Action in Tadpoles Cwater Phase (aw :E a )o

Ethanol 0.33 0.10 0.033 
n-Propanol 0.11 0.35 0.039 
n-Butanol 0.03 0.65 0.020 
Thymol 0.000047 950 0.045 

We can now show that although the distribution 
coefficients differ, the thermodynamic activities of the 
compounds are all approximately the same for equal 
narcotic action. The partition coefficientmay be written 

K = concentrati?n  organic Ehase = aJ'Yo (10-109) 
concentration m water phase aw/'Yw 

The student will notice that partition coefficients may 
be written in terms of concentration rather than 
activities. Since the activities, ao and aw , are equal at 
equilibrium, K would always equal 1.0. It is the 
differences in concentration we are interested in, and K 
is therefore defined as expressed in equation (10-109). 

When a system is in equilibrium' with respect to a 
compound distributed between two phases, the activi-
ties of the solute in the two phases may be taken to be 
identical, or ao = awe Therefore, from (10-109), 

K = aJ'Yo = 'YW (10-110) 
al'Yw 'Yo 

It can be assumed that the organic solution is approxi-
mately ideal so that 'Yo is unity. Then, equation 
(10-110) reduces to 

K = 'Yw (10-111) 
or the partition coefficient is equal to the activity 
coefficient of the compound in the aqueous phase. 
Finally, when the narcotic concentration in water is 
multiplied by the activity coefficient, obtained from 
equation (10-111) in terms of the partition coefficient, 
the thermodynamic activity for narcosis is obtained: 

( narcotic concentration) 
in the aqueous phase 

x (partition coefficient) = Clnar (10-112) 

This value for the narcotic in the. extemal phase will 
also give the thermodynamic activity in the lipoidal or 
biophase since, as already noted, at equilibrium the 
activities in the two phases must be the same. The 
molar concentrations of the narcotics in the external 
aqueous phase are listed in Table 10-14 together with 
the oil-water partition coefficients. The thermody-
namic activity, calculated according to equation (10-
112), is shown in column 4 of Table 10-14. Since the 

activity coefficients of the drugs in the lipoidal phase 
are considered to be approximately unity, the concen-
trations in the biophase should be roughly equal to the 
calculated activities. Therefore, the modified rule of 
Meyer that isonarcotic action occurs at equal concen-
trations of the drugs in the lipoidal phase is understand-
able. 

The oil-water partition coefficient is an indication of 
the lipophilic .or hydrophobic character of a drug 
molecule. Passage of drugs through lipid membranes 
and interaction with macromolecules at receptor sites 
sometimes correlate well with the octanol-water par-
tition coefficient of the drug. In the last few sections, 
the student has been introduced to the distribution of 
drug molecules between immiscible solvents together 
with some important applications of partitioning and 
may wish to pursue the subject further; towards this 
end, references 69 through 72 provide information on 
the subject. Three excellent books73,74,75 on solubilityin 
the pharmaceutical sciences will be of interest to the 
serious student of the subject. 
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244 Physical Pharmacy 

Problems'" 
10-1. The solubility of sulfamethoxypyridazine (SMP) in a 10% by 

volume mixture of dioxane and 90% by volume of water is 1.8 ing/mL 
at 25°C. Calculate (a) molarity, (b) molality, and (c) mole fraction of 
SMP. The density of the liquid, dioxane, is 1.0313 g/mL of the 
solution 1.0086 g/mL, of water 0.9970 g/mL, and of the' solvent 
mixture 1.0082 glmL. The molecular weight of SMP is 280.32 g/mole, 
that of dioxane is 88.10, and that of water is 18.015. . 

Amwers: (a) 6.421 x 10-3 M; (b) 6.378 x 10-3 m; (e) X2 = 
1.251 X 10-4 

10-2. How many liters of carbon dioxide, reduced to standard 
eonditioas of temperature and pressure (25° C and 1 atm, respec-
tively), will dissolve in 1 liter of water at 25° C when the partial 
pressure of the gas is 0.7 atm? 

Answer: O.53liter 
10-3.- Henry's law P2 = kX2 was discussed in Chapter 5, page 

109, and was used in Problems 5-11, 5-12 and 5-19. Rather than 
 Hen:Ys law constant, k, its reciprocal, a = 11k (pp. 215-216), 

18 sometunes used in problems dealing with the solubility of gases . 
in liquids. What is the solubility of oxygen in water  25° C and a 
partial pressure of 610 mm Hg if the reciprocal Henry's law constant 
a = 11k, is expressed as a = concentration (g/liter  
(mm Hg) = 5.38 x 10-5? 

Answer: 0.0328 g/liter 
10-4. Divers ordiltarily breathe from tanks of air containing 20% 

O2and 80% N2. However, He (helium) is less soluble in the blood than 
Ni and is now often used to replace N2. I 

Ifthe partial pressure of helium in the blood of a diver, using a tank 
of 20%O2and 80% He, is 187.5 mm Hg and the percent of saturation 
in the red blood cell content is found to be 85.5%, what is the amount 
of helium that dissolves in the blood? No helium is bound by the 
hemoglobin of the blood. Express the solubility in moles per kilogram 
of blood, assuming that the blood behaves as a solvent essentially the 
same as water. See Table 10-4 for the k value (the Henry's law 
constant) of helium. Assume' that k at 25°C applies with little error at 
3'r C, the body temperature which is applicable here. 

Answer: The concentration of He in the blood at 3'r C and a 
pressure of 187.5 mm Hg is 8.06 X 10-5 moles/kg blood. 

10-5. What is the mole fraction solubility of N2 in water at 25° C 
and 1 atm pressure? What is the molal solubility? The molecular 
weight of water is 18.015 g/mole. 

Answer: 9.37 x 10-6 , expressed as mole fraction; in molality, the 
result is 5.20 x 10-4 molelkg H20 

10-6. A diver, breathing a mixture of oxygen and helium, 
descends in a fresh-water lake at sea level to a depth of 30 meters. 
It is desired that the partial pressure of oxygen at this depth be 
0.20 atm. . 

(a) What is the percent by volume of oxygen in the mixture at thi$ 
depth? Hint: The pressure in atmospheres at. a given depth may be 
computed from the expression: gph, where p is the density of water, 
9 is the gravity acceleration, and h is the depth (see Problem 1-10). 
Assume that p = 1 g/cm3 • 

(b) At what depth will the diver be subjected to a pressure of 2.6 
atmospheres, Le., 1 atm in air above the lake plus 1.5 atm below the 
surface of the lake? 

(c) At a depth of 50 meters below the surface of the lake what is 
the pressure in atmospheres? Remember to add on the 1 atm pressure 
in air above the lake. Ineidentally, a diver can withstand a pressure 
for a short period of time of about 6 atm, corresponding to a depth of 
about 60 meters. 

(d) As stated in Problem 10-4, divers often use a mixture of 
oxygen, 20% by volume, and helium, 80% by volume. Calculate the 

*Problems 10-4 and 10-6 are modified from J. W. Moncrief and 
W.  Jones, EWments of Physical P1uLrmacy, Addison-Wesley, 
Readmg, Mass., 1977, p, 122 and R. Chang, Physical Chemistry with 
Applications to Biological SYBtern8, 2nd 00., Macmillan, New York 
1977, pp. 23, 24, 175. 

mole fraction solubility of helium, He, in water (or in blood where the 
solubility is essentially the same as in water at 1 atm [in air]) and 
25°C. The Henry's law constant for He in water at 25°C is 1.45 x lOS 
(atm/mole fraction). 

(e) At a depth of SO meters in the lake, the pressure is 3.9 atm and 
the partial pressure of He is 0.8 x 3.9 atm or 3.12 atm. The value, 0.8, 
corresponds to the percentage of He in the gas mixture, 80%. 
Compute the mole fraction solubility of He in the blood at a partial 
pressure of 3.12 atm, i.e., at a depth of 30 meters. 

(f) Convert the solubility to molality, i.e., moles per kilogram of 
blood. The bloodof an adult consists of approximately 6 kg. Calculate 
the total moles of He in the blood of the diver at a measured depth in 
the lake of 30 meters. 

(g) Using the ideal gaslaw, V2 = nRTIP, with R expressed as liter 
atmosphere per mole degree, and 11,as the number of moles of He in 
the blood at a partial pressure P of 3.12 atm, calculate the volume of 
He in the blood at a depth of 30 meters in the lake. The temperature  
T is that of the blood, 3100K. 

(h) A diver must not surface too quickly, for the sudden decrease 
in pressure reduces the solubility and releases the gasfrom the blood 
as bubbles that may block the blood vessels and cause a painful and 
possibly life-threatening condition called "bends." What is the volume 
of He that is suddenly released as bubbles into the bloodstream if the 
diver surfaces rapidly so as to reduce the He pressure from (2.3 + 1) 
atm to the surface (1 atm)? For this calculation, one may use the 
relation, ViVl = P?/P1to obtain the volume of He in the blood at the 
surface of the lake. 

Answers: (a) 5.1%; (b) 25.85 meter; (e) 5.8 atm; (d) 5.52 x 10- 6; 

(e) X2 = 2.15 x 1{)-5; (f) 1.193 x· 10-3 mole/kg blood-the total 
amount is 0.()()716 mole He in the blood of an adult; (g) 58.4mL of He 
in 6 kg of blood; (h) 106.5 mL of He released abruptly into the blood 
as bubbles. 

10-7.t According to Chiou and Niazi,21 succinic acid and griseo-
fulvin fonn eutectic mixtures (see p. 42). The table here shows the 
melting temperatures of the mixtures, the compositions of which are 
given in percent, w/w. The molecular weights of succinic acid and 
griseofulvin are 118.09 g/mole and 352.8 g/mole, respectively. 

Data for Problem 10-7 

Succinic acid Griseofulvin 

Temp. (OC) % (w/w) Temp. (OC) % (w/w) 

187.2 98 218 99 

186.6 96 210 90 

1&1.8 . 80 200 80 

181 65 192 70 

177.6 65 - -
173.3 44 - -

Plot the phase diagram using temperature in °Cagainst mole fraction 
(see Fig 2-17, p, 42, for a similar diagram), and from it determine 
the melting points, To, in "Cfor the two pure components, their heats 
of fusion, °Hft and the eutectic point of the mixture of succinic acid 
andgriseofulvin. 

The ideal solubility expression, equation (10-12), page 222, 
may be used .as a linear regression equation to calculate Mil for both 
compounds, using the two.branches of the plot. The two melting 
points are obtained from the intercepts on the vertical axes of the 

tDr. J. Kieth Guillory suggested this problem and kindly assisted in 
the preparation of problems from which this one was made. 
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graph or may be obtained from the two linear regression equations by 
setting X2

i = 1. The eutectic point is found by extrapolating both lines 
to their common intersection. To begin the calculations, one should 
convert °C to "K and % (w/w) to mole fraction. 

Answers: 

Compound 
MIf 
(ca1Imole) 

To ---
OK (OC) 

To 
Literature 
value 

Succinic acid 10,411 460.4 (187.3) 185-187° C 

Griseofulvin 13,744 492.3 (219.3) 220° C 

The eutectic point, obtained from the intersection of the two lines, 
corresponds to a mixture of 0.30 griseofulvin and 0.70 succinic acid on 
the mole fraction scale. The melting point of the eutectic mixture is 
1730 c. 

10-8. At the critical solution temperature of 65.85° C for the 
phenol-water system, p. 40, the critical composition is 34% by weight 
of phenol. How many grams of water are dissolved in 1000 g of the 
solution at this temperature? 

Answer: 660g 
10-9. A 200-g mixture of phenol and water at 55° C has a total 

composition of 20% by weight of phenol. The two liquids have the 
respective compositions of 13%and 60% phenol. What is the weight in 
grams of the aqueous layer and of the phenol layer and how many 
grams of phenol are present in each layer? 

Answer: The aqueous layer weighs 170.2 g and contains 22.1 gof 
phenol; the phenol layer weighs 29.8 g and contains 17.9 g of phenol 

10-10. Calculate the Kier- HalP4 value IX for n-hexane. Using 
equation (10-8) for the solubility of aliphatic hydrocarbons in water, 
obtain the molar solubility of n-hexane. 

Answer: IX = 2.914; In S ::: 8.886; S(calc) = 1.38 X 10-4 molelliter; 
S(obs) = 1.11 X 10- 4 molelliter 

10-11. Using equation (10-10) from Amidon et a1.,15 calculate the 
molalsolubility in water at 25° C of (a) cyclohexanol and (b) n-octane. 
Compute the percentage difference of the calculated from the 
observed solubilities. See Table 10-6 for the HYSA, the FGSA value 
for the hydroxyl group, and the observed solubilities for the two 
compounds, cyclohexanol and n-octane. 

Answers: (8) 0.431 m (-13.4% error); (b) 5.85 x 10-6 m (-0.86% 
error) 

10-12. The melting points and molar heat of fusion of three 
indomethacin polymorphs, I, II, and VII, are found in the table:76 

Data for Problem 10-12 

Indomethacin Melting point Mlf 
callmolePolymorph -c eK) 

I 158 (431) 9550 

II 153 (426) 9700 

VII 95 (368) 2340 

Calculate the ideal mole fraction solubilities at 25° C of the three 
indomethacin polymorphs, and rank the solubilities in descending 
order. Is melting point or Mlf more useful in ordering the solubilities 
of the three polymorphs? 

Answer: The ideal solubilities, ranked in decreasing order, are 

Polymorph VII II I 

X2 
i 0.4716 0.0073 0.0069 
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10-13. Calculate the ideal mole fraction solubility, X2 
i of benzoic 

acid at 25° C. The melting point of benzoic acid is  C (395.15 OK) 
and the molar heat of fusion is 4139 cal/mole, 

Answer: X2
i = 0.18 

10-14. The melting points (mp) and heat of fusion for the following 
three sulfonamides are 

Data for Problem 10-14 

Compound .2!!L -c (OK) 
4H1  

Sulfamethoxypyridazine 180.4 (453.55) 8110 
r 

Sulfameter 211.6 (484.75) 9792 

Sulfisomidine 242.2 (515.35) 10781 

. Calculate the ideal solubilities of these three sulfonamide analogs at 
25° C. 

Answer: 

Compound 
Sulfamethoxy-
pyridazine Sulfameter Sulftsomidine 

X2 
i 0.0092 0.0017 0.00047 

10-15. In 1893 SchrOder16 measured the solubility of naphthalene 
in chlorobenzene and obtained the following data for the mole traction 
solubility X2 of naphthalene at a' number of .temperatures, T, in 
degrees Kelvin' (OK). The 8 values (solubility parameter) of naphtha-
lene and chlorobenzene are both 9.6 (callcm3) 112. 

Data for Problem 10-15 

X2 
i 0.840 0.742 0.482 0.892 0.809 0.232 

T (OK) 843.5 337.5 817.5 307.5 297.0 285.5 

The melting point TI of naphthalene is  C (858.4° K). It is 
assumed that the solubilities X2 in the table are ideal solubilities, 
since the a value of the solvent is equal to that of the solute. This 
assumption permits the use of equation (10-11) or (10-12) to obtain 
the heat of fusion and the entropy of fusion from the slope and 

iintercept, respectively, of a plot of lIT (z-axis) (OK-I) versus In X2 
(y-axis). The intercept along the vertica1lnX2

i axis occurs where lIT 
on the horizontal axis becomes zero, i.e., where T becomes infinite! 

(a) Using linear regression, obtain the heat of fusion, MI" from 
the slope M1IIR, in which R is the gas constant, 1.9872 cal mole" 
deg ": &SIIR allows calculation of the entropy of fusion from the 
integration constant of equation (10-12). 

(b) Compare the MIl value obtained from the slope of the 
regression line with the average 4H, obtained from use of equation 
(10-11), which yields six 4H1 values. 

Answers: (a) 4H1(from regression) = 4310 cal/mole; M f = 12.18 
cal/(mole deg); (b) the average value of 4H1 from the six values 
obtained by the use of equation (10-11) is 4382 calImole, about 2% 
larger than the value obtained using equation (10-12). The student's 
values may differ slightly depending on the rounding off of the 
decimals. 

10-16. Benzoic acid forms an ideal solution in a mixture of 0.7 part 
of ethanol and 0.3 part of ethyl acetate. The mole fraction solubility at 
25° C in this mixture is 0.179. The melting point of benzoic acid is 
122.4° C. Calculate the heat of fusion of benzoic acid at 25° C. 

Anawer: 4H1 = 4144 calImole. The CRC Handbook of ChemiBtry 
and Physics, 63rd ed., gives 4Hlof benzoic acid as 4139 eaIlmole. 
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10-17. Compute the mole fraction and the molal solubility of 
benzoic acid in ethyl acetate at 25° C assuming regular solution 
behavior. Refer to Example 10-9 and Wenner- for the calculations 
involved. What is the activity and the activity coefficient of the solute 
in this solution? The solubility parameter of benzoic acid is 11.3 
(callcm3)112 and the molar volume of the supercooled liquid at 25° C is 
104.4 cm3/mole. The solubility parameter of ethyl acetate may be 
obtained from its heat of vaporization MIv at 25° C = 97.5 calIg. The 
molar volume of ethyl acetate at 25° C is obtained from the molecular 
weight 88.1 divided by its density at 25° C, 0.90 g/cm3. The heat of 
fusion of benzoic acid is 33.9 ca1Ig and the molecular weight is 122 
g/mole. The melting point of benzoic acid is  C. For purposes 
of successive approximations, one may assume that VI = V2 so that 
4»1 == 1 - X2 , although the full equation for 4», Example 10-9, is 
ordinarily used. 

Answer: X2 = 0.082;  = X 2 
i = 0.18; 'Y = 2.21 

10-18. If the mole fraction solubility X2 of naphthalene in chlo-
robenzene can be considered as the ideal solubility X2i for naphtha-
lene, and ifX2 

i is 0.444 for naphthalene in chlorobenzene at 40°C (313° 
K), a detennination of the mole fraction solubility in other solvents at 
40° C should allow calculation of the activity coefficient, 'Y2' in each 
solvent. What is 'Y2 for naphthalene at 40° C in each of the following 
solvents? 

Data for Problem 10-18 

Solvent X2 (40° C) 

Acetone 0.378 

Hexane 0.222 

Methanol 0.0412 

Acetic acid 0.117 

Water 1.76 x 10-5 

Chlorobenzene 0.444 

Relative to the 'Y2 values, what might one conclude about the 
solubility of naphthalene in these various solvents? 

Answers: 

Solvent 'Y2 (40° C) 

Acetone 1.2 

Hexane 2.0 

Methanol 10.8 

Acetic acid 3.8 

Water 2.5x 1()4 

Chlorobenzene 1.0 

10-19. The units of solubility parameter (8) in the cgs system are 
(ca1Icm3)112. (a) Obtain a conversion factor to express 8 in SI units, 
(MPa)Vl. (b) Express the solubility parameter of chloroform, caf-
feine, tolbutamide, and hydrocortisone in SI units. The solubility 
parameters in cgs units are 9.3, 14.1, 10.9, and 12.4 (ca1Icm3)112, 
respectively. 

Answers: (a) the conversion factor is 1 (callcm3)112 = 2.0455 
(MPa)112; (b) the 8 value for each drug above in SI units is, 
respectively, 19.0, 28.8, 22.3, and 25.4 (MPa)112 

10-20. The egs system of units is ordinarily used in this chapter for 
the calculation of solubilities. However, it is sometimes useful to 

convert to SI units. For· a solution of benzoic acid in water, necessary 
values are expressed in the cgs units as follows. The molar volume, 
V2 , for benzoic acid is 104.3 cm3/mole and for water VI = 18.015 
cm3/mole. The heat of fusion of benzoic acid is 4302 callmole and the 
melting point is 395.6° K. The solubility parameters 81and  for the 
solvent, water, and the solute, benzoic acid, are, respectively, 23.4 
(calIcm3)112 and 11.5 (eallcm3)112. The gas constant R is given in the cgs 
system as 1.9872 cal deg"" mole-I. (a) Convert each of these 
quantities into the SI system of units. (b) Compute the mole fraction 
solubility of benzoic acid in water at 25° C from the Hildebrand 
equation using the SI units obtained. Assume that 4»1 = 1. Convert 
the mole fraction to molality. Hint: Use the conversion factor 
obtained in Problem 10-19 to express the solubility parameters in SI 
units. 

3/mole, VIAnswers: (a) V2 = 104.3 X 10-6 m = 18.015 X 10-6 
3/mole, MIlm = 17999.6 J/mole, 81 = 47.9 (MPa)1/2,  = 23.5 

(MPa)ll2; (b) X 2 = 3.04 X 10-3, m = 0.169 mole/(kg H20 ). 
10-21. The heat of vaporization of the solvent carbon disulfide is 

3/mole at6682 callmole and the molar volume is 60.4 cm 25° C. 
Compute the internal pressure and the solubility parameter of carbon 
disulfide. 

Answer: Pi ==  cal/cm''; 8 = 10 (caVcm3)112 
10-22. It has been stated in the literature that the aIV 2 term in 

the van der Waals equation (equations (2-13) and (2-14), pp. 26,27) is 
approximately equal to. the cohesive energy density, i.e., to the 
square of the solubility parameter, 8, or a = 82y2. The CRC 
Handbook a/Chemistry and Physics, 63rd ed., page D-195, gives the 
value of a for n-hexane as 24.39 and a for benzene as 18.00 liter 
atm mole-2. Using these handbook values for the van der Waals 
a-the value for attractive forces between molecules-calculate the 
solubility parameter 8 of n-hexane and of benzene. 

The accepted 8 values for these two liquids (see Table 10-8) are 7.3 
and 9.1 (cal cm-3)112, respectively. Do you agree that aJV2 is a good 
estimate of 82?Hint: You will need the conversion factor, 1 liter atm 
= 24.2179 cal. Express the pressure in atmospheres, the volume in 
liters, and R as 0.08206 liter atm mole"! deg- l . The molar volume of 
benzene is 89.4 cm3 mole-1and the molar volume ofn-hexane is 131.6 
em" mole"", 

Answer: (a/V2)112 ! 8(n-hexane) = 5.8 (caVcm3)112; (aIV2)112 J: 
8(benzene) = 7.4 (ca1Icm3)112 

10-23. Calculate the solute-solvent interaction energy, Wcalc, for 
a solution of caffeine in 20% water-80% dioxane (Table 10-10) at 25° 
C using equation (10-44). With this value for W(calc) and the solubility 
parameter of the mixed solvent (Table 10-10), calculate the solubility 
of caffeine in this mixture. The value for A is 0.09467 cm3/cal,  

i(caffeine) = 13.8 (callcm3)112, and -log X2 = 1.1646. 
Answer: W(calc) = 173.4079 callcm3;X2(calc) = 0.024. The results in 

Table 10-10, W(calc) = 173.729 cal/em" and X2(calc) = 0.027, were 
obtained using the more accurate quartic expression, equation 
(10-45). 

10-24. (a) What is the W(calc) value for caffeine in a mixture of 
dioxane and water having a 81value of 17.07 (calIcm3)112? This mixture 
contains 47.5% by volume of dioxane and 52.5% water. Calculate 
W(ca1c) using both the quadratic (equation 10-44) and the quartic 
(equation 10-45) expressions. 

(b)  A value at 25° C is 0.093711 cm3/cal.' The 82 value of 
caffeine is 13.8 (ca1Icm8)112. The negative log ideal solubility of caffeine 

iat 25° C is -log X2 = 1.1646. Calculate the solubility of caffeine in 
mole fraction and in moleslliter using both W(calc) results (quadratic 
and quartic) of part (a). The density p of the solution is 1.0493 g/cm3. 
The molecular weight M2 of caffeine is 194.19 g/mole, and that of 
dioxane 88.016 g/mole. 

1000P (X2) 
Solubility in (moles/liter) = M _ X +  (p. 104) 

1(l 2) 
MI' the average molecular weight of the solvent at a volume percent 
of 47.5 dioxane, is given approximately by the use of molecular 
weights and volume fractions: 
M1 = (88.10 g/mole)(0.475) + (18.015 g/mole)(0.525) == 51.3 g/mole 
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Partial Answer: Using equation (10-45), W(ca1e) = 238.06175 
cal/cm8

; mole fraction solubility X2(caIe) = 0.0200; molar solubility 
(calculated) = 0.39; molar solubility(experimental) = 0.40molelliter. 

10-25. Calculatethe values of W (equation 10-43),  and the 
ratio  for ketoprofen, an analgesic, in a 70:30 volumepercent 
mixture(81= 10.32) and a 50:50volume percent mixture (81 = 11.00) 
of chloroform-etlaanol at 25° C. The ideal solubilityof ketoprofen is 
X2 

i = 0.1516 and its molar volumeV2 = 196cm3/mole. The solvent 
volume fraction +1 of the two mixtures is 0.6694 and 0.6820, 
respectively, and the mole fraction solubilities of ketoprofen in the 
mixtures are X2 = 0.1848 and X2 = 0.1622. The solubilityparameter 
of ketoprofen, calculated from the peak solubility value in the 
chloroform-ethanol mixtures, is  = 9.8 (ca1Icm3)Vl . 

Answer: 

Mixture A W   

70:30 0.0644 101.9389 101.136 1.0079 

50:50 0.0668 108.7395 107.800 1.0087 

Noticethat the use ofW instead of 81  in the Hildebrand equation 
givesthe exact solubility ofX2 = 0.1848. The use of - 281  instead of 
-2W givesa result, X2 = 0.0813, that is some56%in error.  is 
nearlyunity, viz. 1.0079, whichmeans that W is onlyslightly different 
from  Yet, the very smalldifferencecauses the use of -2W in the 
Hildebrand equation to give the exact solubility of ketoprofen in a 
70:30 mixture of ehIoroform and ethanol, and the use of  to 
givea less exact solubility value. 

10-26. Calculate the valuesofA, W,  and  for solutions 
ofsulfamethoxypyridazine (SMP)in benzene, 81= 9.07,and in benzyl 
alcohol, .81 = 11.64 (ca1Icm3) l rl , at 26° C. The ideal solubility X2

i of 
.sMPis 9.1411 x 10-3 , and its molar volume, V2, is 172.5  
The volume fractions +1 of the solvents benzene and benzyl alcohol 
are 0.9999 and0.9757, respectively. The solubilityparameter  ofthe 
solute, SMP, is 12.89. The mole fraction solubilities X2 of SMP in 
benzene and in benzyl alcohol are 0.0636 x 10-3 and 14.744 x 10-3 

respectively. 
Answers: 

Solvent 
A 
cm3/cal 

W 
eal/em" 

818c.l 
calIcm3 W/818c.l 

Benzene 0.1264 115.6739 116.9123 0.9894 

Benzyl alcohol 0.1204 151.6831 150.0396 1.0110 

10-27. The presence of usual components such as sweetening 
agents in syrup formulas may affect the solubilityof preservatives so 
that changesin temperature yieldprecipitation and leave the product 
unprotected.Themolarsolubilityofsorbicacidused as a preservative 
was studied at 20° C and 3r C as a function of the concentration of 
glucose. 77 

Data for Problem, 10-2'1: Molar Solubil_ty of Sorbic Acid 

% Glucose in water 200C 3'rC 

0 0.013 0.022 

15 0.011 0.019 

30 0.009 0.016 

45 0.007 0.014 

60 0.005 0.011 
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(a) Plot on the same graph the molar solubilityof sorbicacidat 2(f 
C and 3'r C (vertical axis)  the percent of glucose in water 
(horizontal axis) and find a quantitative relationship between these 
variables. Comment on your results. 

(b) The change in the aqueous molar solubility, 8, of sorbic acid 
with addition of glucose is determined by the standard free energy of 
transfer ofsorbic acid from water (w) to the glucosesolution(B).Show 
that these thennodynamic functions, fAGotr and tJrtr, can be 
computed from the following expressions: 

8,
AG°tz = -RT In-8. 

and 

In (So'J/S.. ) = t:Jrtr (T2 - T1) 

(SvIlISwl) R T1T2 
(c) As an example, compute Ac;otr and AJrtr for the transfer of 

sorbic acid from water to a 45%solution of glucoseat both 2()0 C and 
37°C. Compare your results to the CM"'46 in Bolubilityof sorbicacid 
from water to 45%glucose at both temperatures. Hint: Observe the 
sign and magnitude of these thennodynamic functioDS. 

Partial Answer: (c) fAG°tr (2()0 C) =360.6ca1Imole; I1c;otr (3r C) = 
278.6caVmole; 4H°tr = 1775calJmole 

10-28. Suppose you traveled to the hypothetical planet Ariston, 
where the temperature ranged from -1000 to 00 C. Youwere asked to 
join the scientists at the Ariston National. Laboratories to prepare a 
solutionofsolidcarbondioxidedissolvedinethanolat -goo C(lgso K)to 
be used in a new rocket engine being developed. The melting point of 
CO2 is -56° C and that ofethanol is -114.1° C. At -80° C, the DOnna} 
room temperature on Ariston, CO2 exists as·a solid and ethanol as a 
liquid.The boilingpoint ofethanol is 78.5° C and it re-mainsas a liquid 
from about -114° C to' +78.5° C, 'where it becomesa gas. 

(a) Calculate the ideal solubility of solid CO2 at -BO° C. The heat 
of fusion 0' COz is 1900calJmole. 

(b) The density of ethanol at several temperatures is given in the 
table: 

Data for Problem 10-28 

T(OK) 273.2 283.2 293.2 2f}8.2  

t (OC) 0 10 20 26 30 

Density 
(g/cms) 

0.80625 0.79788 0.78945 0.78521 0.78097 

Regress the density (y values)against t °C(x values)and computethe 
density and molar volume (cm3/mole) of ethanol at -goo-C. The 
molecularweight of ethanol is 46.07gramlniole. 

(c) The solubilityparameter at temperatures other than 25°C may 
be determined approximately for a liquid from the densities of the 
liquidat 25°C and at the new temperature. 78 

P260)1.• 
aTI =  ( PT 

1 

Use the density of ethanol from the table above <at25°C) and your 
result at -80° C, and compute8 for ethanol at -goo C;the 8 value fQr 
.ethanolat 25°C is 12.8 <ca1Icm8) 112. 

(d) Estimate the 8Ok:tbility of solid COl in ethanol at -goo C under 
whichconditionsit is expected to form a regular solution.The heat of 
vaporizationof CO2 is 3460  Obtain the solubilityparameter 
at -goo C from this value, knowingthat the molar volumeat -SOO C 
is VI = 38 emS/mole. The avalue for COl may be calculated using the 
expression 

= (4H2Y RT)-
 VI 

where 11Hzv is the heat of vaporization, R is the gas constant 1.9872 
caII(mole deg), and T is the absolute temperature, 193° K. You will 
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248 Physical Pharmacy 

need the molar volume, VI' of ethanol and its solubility parameter at 
-goo C (193° K) (see answers (b) and (cj), You can assume that the 
volume fraction  of ethanol is 1.00 for the first round of calculations. 
Then by six or more iteration steps, obtain the more correct solubility 
(see p. 224, 225). 

(e) Once you have calculated the mole fraction solubility of CO2 in 
ethanol at -goo C, convert the solubility into units of molality. The 
molecular weight of CO2 is 44.01 g/mole. 

Answers: (a) X 2 
i (C02, -soo C) =0.5782; (b) p (ethanol, -SOO C) = 

0.87370, VI = 52.73 ems/mole; (e) 8 (ethanol, -80° C) = 11.2 
(caVcmS)lfl;8 (C02, -so- C) = 9.0 (callcmS)lfl; (d) X2 (C02, -BO°C) = 
0.4887 after eight iterations. If  is unity, we obtain the first result 
of iteration, viz. X2 = 0.3579; (e) molality = 20.7 moleslkg 

10-29. The solubility of sodium carbonate, decahydrate, 
 (washing soda), is 21.52 g/l00 g of water at 0° C, and 

the heat of solution 4Hsoln is 13,500 callmole. When a substance such 
as washing soda is added to ice at 0° C, the freezing point of water is 
lowered and a liquid solution of sodium carbonate is formed at 0' C. 
Calculate the solubility of sOdium carbonate decahydrate at 25° C. 

Answer: The solubility of  is 43.13 g/(I00 g H20) 
using equation (10-46). Note that Na.zCOs contributes three ions in 
solution, i.e., v = 3. The experimental value is 50 g/(I00 g H20) at 
25° C, a 14% difference from the calculated value. 

10-30. The solubility of Ba(OH)2·8H20 in water at three temper-
atures is reported by Daniels and Alberty79 as follows: 

nata for Problem 10-30 

Temperature (OC) 0.0 10.0 20.0 

Molal solubility 0.0974 0.1447 0.227 

Use the modification of equation (10-46), that is, 

4Hsoln 1 
In 1n2 = ---a:- T+ I 

which provides the heat of solution, 4Hsolns when a graph of the data 
is plotted with In  ('"'-2 is the molality of the solute) on the vertical 
axis and I/T (T is the absolute temperature) on the horizontal axis. 
The slope of the line, obtained by linear regression analysis and 
multiplied by R = 1.9872 cal mole" deg", gives Mlsoln in callmole. 
I in the equation is an integration constant and is the point of 
intersection on the vertical axis. 

Use the equation above to obtain 4Hsolm the heat of solution in the 
range of 0° C to 20° C and to predict the solubility of barium hydroxide 
oetahydrate at 30° C in water. 

Answer: 4Hsoln = 6719 callmole; calculated molal solubility at 
30° C = 0.327 m; experimental solubility'" = 0.326 m 

10-31. If the solubility product of silver chromate is 2 x 10- 12 at 
25° C, what is the solubility in mole/liter of silver chromate? 

Answer: 7.9 x 10-5 molelliter 
10-32. What is the solubility of the electrolyte, magnesium 

hydroxide, (a) in moleslliter and ,(b) in g/l00 ml, if the solubility 
product is 1.4 x 10-11? The molecular weight' of Mg(OH)2 is 58.34. 

Answers: <a) 1.5 x 10-4 mole/liter; (b) 8.8 x 10- 4 g/dL. The 
symbol dL stands for deciliter = 100 mL. 

10-33. Brequinar sodium dissociates as brequinar" and Na", Its 
apparent solubility product K'sp = 0.0751.  Compute the solubility 
of this eompound.P' (b) Compute the solubility product K sp , using the 
mean activity coefficient, 'Y±. (e) Compute the solubility after 
addition of a O.05-M solution of KCl. 

Answers: (a) 0.274 molelliter; (b) Ksp = 0.0335; (e) 0.280 molelliter 
10-34. the crystal lattice energy of AgCI is 207 kcallmole and its 

heat of hydration is -192 kcallmole. (a)'What is the heat of solution 
of AgCI in kcallmole and in kJ/mole (b) The solubility of AgCI in water 
at 10°C is 8.9 X 10-5 g/dL of solution. What is the solubility of AgCI 
at 25° C? AgCI dissociates into two ionic species in solution. 

Answers: (a) 4H so ln = 15 kca1lmole (Table 10-11); in kJ/mole; 
Mlsoln = 62.8; (b) 1.74 x 10-4 g/dL of solution. The experimental 
value is 1.93 x 10-4 % (w/v). 

Note: For the strong electrolytes such as NaCl and KBr, which are 
very soluble in water, the use of equation (10-46) does not give very 
reasonable results for solubility. As seen in this example, the 
solubility for a slightly soluble strong electrolyte such as silver 
chloride at various temperatures is reasonable in comparison with 
observed values (i.e., within 10%). 

10-35. The crystal lattice energies of potassium bromide' and 
potassium chloride are 673 and 699 kJ/mole; their heats of hydration 
are -651 kJ/mole and -686 kJ/mole, respectively. What is the heat of 
solution 4H soln of KBr and of KCI? Express the results in kJ/mole, 
then convert to keel/mole. 

Answer: for KBr, Mlso1n = 22 kJ/mole = 5.3 kcaVmole; for KCI, 
Mlso1n = 13 kJ/mole = 3.1 kcaVmole 

10-36. What is the solubility of barium sulfate in a solution 'having 
an ionic strength f.L of 0.25 and K sp = 1 X 10- 10 , at 25° C? The activity 
coefficient for a bi-bivalent salt at this ionic strength is 0.23. 

Answer: 4.3 x 10-5 molelliter 
10-37. The solubility of boric acid in an aqueous solvent containing 

25% by volume of sorbitol was found by Sciarra et a1. 81 to be 2.08 
molal at 35° C. The heat of solution of boric acid in this mixedsolvent 
is 3470 ca1Imole. Calculate the molal solubility of boric acid at 500 C in 
this solvent. 

Answer: 2.71 molal 
10-38. The molar solubility of sulfathiazole in water is 0.002, the 

pKa is 7.12, and the molecular weight of sodium sulfathiazole is 304. 
What is the lowest pH allowable for complete solubility in a 5% 
solution of the salt? 

Answer: pHp = 9.03 
10-39. What is the pHp of a 2% solution of'sodiumphenobarbital in 

a hydroalcoholic solution containing 15% by volume of alcohol? The 
solubility of phenobarbital in 15%' alcohol is 0.22%. The pKa of 
phenobarbital in this solution is 7.6. The molecular weight of sodium 
phenobarbital is 254.22 g/mole and that of phenobarbital is 232.23 
g/mole. 

Answer: pHp = 8.5 
10-40. Calculate pHp for a 0.5% solution of cocaine hydrochloride. 

The molecular weight of the salt is 339.8, and the molar solubility of 
the base is 5.60 x 10-3• The pKb of cocaine is 5.59. 

Answer: pHp = 8.20 
10-41. Using data in Figures 10-7 and 10-8, calculate the 

minimum pH required for complete solubility of sodium phenobarbital 
in a solution containing 3 g of the drug in 100 mL of a mixed 
alcohol-water solvent. (a) Calculate pHp , the minimum pH for the 
drug, in each aqueous solvent-consisting of 10%, 20%, 30%, 40%, and 
50% by volume of ethanol. (b) Plot pHp versus percent by volume 
of alcohol in the solvent. The procedure may be checked by comparing 
the results with the calculations illustrated in Example 10-17, page 
235. The molecular weight of phenobarbital is 232.23 g/mole and that 
of sodium phenobarbital is 254.22. 

Answer: 

% 
Alcohol 

10 20 30 40 50 

pHp 8.73 8.63 8.55 .8.02 * 
*At about 50%alcohol and above, phenobarbital in a 3g/100mL solution of the 

drug will not precipitate no matter how low the pH. 
10-42. The molar solubility of codeine, So, in water at 25° C is 

approximately 0.0279 mole/liter; the pKa of codeine (actually, the 
conjugate acid of the base, codeine) is 8.21 at 25°C; and the molecular 
weight of codeine phosphate· iH20 (U.S.P.) is 406.37 dalton." What 

*Recall that the word dalton is another term for the units g/mole, 
i.e., for molecular weight units. 
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is the highest pH allowable for complete solubility in an aqueous 
solution of 60 mg of the salt per 5 mt,of solution? 

Answer: The pH above which the free base precipitates from 
solution is 9.45. 

10-43. A preseription calls for 7 grains (1 gram = 16.432 grains) of 
phenobarbital in 60 mL of solution. The vehicle consists of 20% by 
volume of glycerin, 6% by volume of alcohol, and the balance water. 
From Figure 10-7 it is observed that about 26% by volume of alcohol 
is required in the solution to dissolve this quantity of phenobarbital. 
How much U.S.P. alcohol (95% by volume) must be added? 

Answer: 13.3 mL 
10-44. If a container of pure water is shaken in the air, the water 

willdissolve atmospheric carbon dioxide until the dissolved gas is in 
equilibrium with that in the air. At atmospheric pressure the 
solubility of CO2 is found to be 1 X 10-5 molelliter. The dissociation 
constant K 1 of carbonic acid is approximately equal to 4 x 10-7• 

 the pH of water saturated with CO2• Hint: [H30+] = 
V K1c, in which c is the equilibrium concentration of the gasin water. 

Answer: pH = 5.7 
10-45. (a) Calculate the solubility at 250 C of sulfisoxazole in an 

aqueous buffer having a pH of 5.12. (b) Repeat the calculation for the 
pH 5.12 buffer solution- when 3.0% Tween 80 is included in the 
solution. See E:x:tJmple 10-18 for KG'K', and lC', and for the aqueous 
solubility of nonionized sulfisoxazole at 250 C.. (e) Calculate the 
fraction of sulfisoxazole solubilized in the Tween 80 micelles in this 
solution. 

Answers: (a) 0.30 glliter; (b) 0.723 glliter; (e) 0.586 
10-46. Calcp1ate the, molar solubility of butyl p-hydroxybenzoate 

(mp f)8O C) in water at 250 C using equation (10-100), page 
240. The log K for benzoic acid is 1.87; the contributionby an 011 
group is -1.16 and by a CH2 group is 0.50,aee,ording to Leo-et 8LII 

Answer: M f = 16.0 e.u. log K(eaJe) =2.71,leiS == -2.78, S(eaJ,e) == 
1.86 X -10-3 M, S(obs) = 1.29 X 10-8 M 

10-47. Pinal and Yalkowsky82 extended their earlier equations-
to estimate the aqueous solubility of weak eleetrolytes. The new 
equation is 

Mf(Tm - T) 
log S = 2.303RT - log K + log a + 0.8 (10-113) 

where Tm and T are respectively the absolute temperature at the 
melting point and the temperature at which the experiment is done. 
The other symbols have the same meaning as in equation (10-100), 
page 240; a is an ionization term defined as 

10-pKa) 
a= (1+--

10- pH 

for monoprotic acids. 
(a) Compute the aqueous solubility of phenytoin (a derivative of 

hydantoin used as an antiepileptic drug) at pH 7.1 and 250 C. The pKa 
of phenytoin is 8.30, the melting point is 296.90 C, and the partition 
coefficient K is 208.9. The entropy of fusion can be calculated 
according to equation (10-101), page 240, where n is the number 
of carbons in the longest hydrocarbon chain or flexible ring. 
Phenytoin has the formula 

(b) Compute the partition coefficient in an octanol-water system 
for pentobarbital using the equation of Yalkowsky et al.82 (equation 
(10-113». The observed solubility of pentobarbital at aso C and pH 8 
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is 0.01107 molelliter. the pifa is 8.07 and M f = 12.67 entropy units 
(e.u.) (i.e., 12.67 caVmole deg). The melting point is 128.50 c. 

Answers: (a) n, the number of carbons in the calculation of 481 is 
n = 6; 4Sf = 16 e.u.; a = 1.063; log S = -4.6835; S, the aqueous 
solubility of phenytoin, = 2.07 x 10-5 molelliter; (b) log K = 2.16; 
K = 144.5 

10-48. If 0.15 g of succinic acid in 100 mL of ether is shaken with 
a IO-mL portion of water, how much succinic acid is left in the ether 
layer? The distribution coefficient K = (cone. in ether)l(conc. in 
water) = 0.126 at 250 C. How much succinic acid 'is left in the ether 
when the phase is extracted with an additional 10 mL of water? 

Answer: 0.083 g after first extraction; 0.046 g after second 
extraction 

10-49. How much benzoic acid, Ka = 6.3 X 10-6, will remain 
undissociated in the aqueous phase of a 50%oil-water emulsion if the 
initial concentration of benzoic acid in the aqueous phase is 0.5%? The 
aqueous phase is buffered at pH 5 and the oIw partition coet1iclent = 
6.33. Assume that benzoic acid remains as a monomer in the oil phase. 

Answer: 0.396 mglmL 
10-50. Propionic acid is added to the aqueous phase of a 2()%. 

oil-water emulsion, and 0.65 mglmL of free acid remains in the 
aqueous phase after equilibrium has been attained between the two 
phases. In a 20% emulsion, q= Vo IVfA} = 20180 .= 0.25. The aqueous 
phase is buffered at pH 3.6. Propionic acid is found to dimerize in the 
oil phase and the distribution constant, lC' :: v'CI[HA.l, is equal to 
15.0. The I KG of propionic acid is 1.4 X. 10-6• Compute the initial 
concentration C of propionic acid to be introduced into the aqueous 
phase..The molecularweight of propionic acid is 74.08 g/mole. 

A1IBwer: C = 1.0 mg/mL 
18-51.. To detennine the intrinsic partition coefficient Kin of 

pilocarpine base in a study of transcomeal permeation, the octanol-
water aqUeous buffer partition coefficient, KotMs' was obtained exper-
imentally at various temperatures and pH values (Mitra and Mikkel-
sansc). The results are presented in Table 10-15. 

 10-15. Observed PartitiDn CDefficients Ke... at VariDus 
pH's andTemperatures. (Data for Problem 10-51) . 

pH 6.25 6.50 6.70 6.85 7.00 7.26 

[H3O+] 
(x 107) 

5.62 3.16 2.00 1.41 1.00 0.56 

TeC) Observed Partition Coefficients, Kobe 

27 0.24 0.38 0.52 0.63 0.72 0.89 

30 0.31 0.46 0.62 0.78 0.84 1.06 

40 - 0.65 0.88 1.06 1.23 1.49 

(a) According to Mitra and Mikkelson,84 the observed partition 
coefficient Kobs is related to the hydrogen ion concentration of the 
aqueous phase [HsO+] by the expression 

1 1 0+] 1-=--[Ha +-
Kobe KmKo Kin 

where the intrinsic partition coefficient Kin of the free base, 
pilocarpine is independent of pH.. The term KG is the ionization 
constant in water of the conjugate acid of pilocarpine, i.e., the 
pilocarpinium cation. Plot the reciprocal of the observed partition 
coefficient, 11K., versus the hydrogen ion concentration, [HsO-t:]. 
Using linear regression analysis obtain the intrinsic partition coeffi-
cient, Kin, for pilocarpine base between octanol and an aqueous 
phosphate buffer, and the acidic ionization constant KG for the 
pilocarpinium cation at temperatures 2r, 300 

, and 400 C. The cation 
does not partition into octanol. 
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(b) The intrinsie partition coefficient of pilocarpine base in the 
logarit_c fonn InKin may be expressed in tenns of tbe thennody-
namie· quaRtities tJr,  and Alr UBing the van't Hoff equation: 

AIr 1 48° 
In Kin = -RT+ If 

Regress In Kin against lIT, at the three absolute temperatures 
er C =300.15° K, goo C =303.15° K, and 400 C =313.15° K. Solve 
for tJr and 4,SO and obtain 4.Go at the three temperatures. Interpret 
the magnitude and the sign of these three thermodynamic quantities 
as they relate to the  process. . 

Answers: (a) 

(b) 4Ir = 6777caIImole =-6.8 keal/mole; 4SO = 23 calI(mole deg); 
4.00 = -159 ca1Imole at 2r C, -228 ca1Imole at SOO C, and -460 
eallmoleat 4()0 C . 

4Ir is positive, which mitigates against the partitioning process, 
yet ft.S0 is sufficiently positive to provide a spontaneous reaction. The 
negative 4.00 values corroborate the conclusion that the proeeu is 
spontaneous (for the solute in its standard state). The large positive 
faSO value suggests that pilocarpine base is solvated in the aqueous 
phase in an orderly structure of water, which is broken down to a 
more random arrangement of drug and solvent in the octanol phase. 

Temperature (OC) Kin Ka pKa 

27 1.324 1.25 x 10-7 6.90 

30 1.433 1.64 x 10-7 6.81 

40 2.106 1.42 x 10-7 6.85 
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