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Preface to the Twenty-First Edition

For over 100 years and throughout 20 previous editions, Rem-
ington: The Science and Practice of Pharmacy has stood as the
definitive text and reference source of all aspects of the science
and practice of pharmacy. In this new edition, you will find a
text that is practice-oriented while maintaining its tradition-
ally reliable coverage of scientific aspects. The 21% edition
keeps pace with the changes in pharmacy curriculum and pro-
fessional pharmacy practice in general.

In the years since the first publication of Remington’s
Pharmaceutical Sciences, there have been many changes in
the field of pharmacy and pharmacy practice. Although this
edition of Remington maintains the general philosophy of pre-
vious editions, several changes have been made to present
fresh and new information and to take advantage of the
advances made in recent years. Each section of the book has
been critically reviewed and revised to reflect the emerging
trends in the field. The overall organization of the book is the
same as the previous editions.

The biggest change in the 21st edition is in the Pharmacy
Practice section. This section has been reorganized and
expanded to reflect the changing realities of comtemporary
practice. The integration of new scientific information into clin-
ical practice is often difficult, and one of the key purposes of this
section is to help clinicians translate these scientific advances
into clinical practice and care of patients. This section brings
the reader up to date on the latest trends and approaches. New
chapters have been added that cover the areas of:

® The application of ethical principles to practice dilemmas
* Statistics ied to pharmacy practice
e Technology 1ation

¢ Professional ¢ nunication

e Medication errors

* Re-engineerin armacy practice

¢ Management of ial risk medicines
* Specializatic macy practice

¢ Disease st gement

. t care

¢ Wound care

The Pharmaceutical and Medicinal Agents section is the
most very usefu f the book in terms of core drug infor-
mation. For this edi ve added more than 100 new drug
monographs, and the sly existing material has been up-
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dated. We realize that this is a section that is nearly impossible
to keep current, and we've tried to include as many new drugs
as possible. Because of space constraints, we were limited to the
most important or most widely used drugs.

Another significant addition to this edition is the expansion
of the Pharmacodynamics and Pharmacokinetics section to in-
clude the new, growing area of Pharmacogenomics. This chap-
ter highlights many of the important advances including: prac-
tical applications and technological considerations, molecular
diagnostics for optimizing drug therapy, and pharmacoge-
nomics and drug development.

Many people were involved in creating this edition. I am
grateful to all the Section Editors and authors for their skillful
review of the literature and for incorporating their own unique
perspectives and experience into their chapters. With this edi-
tion, we welcome five new Section Editors. They represent a
wide geographic diversity and spectrum of experience. We also
have approximately 100 new authors who represent over 32
universities as well as positions in governmental agencies and
private industry.

I also gratefully acknowledge the extensive contributions of
the authors and Section Editors of previous editions of Reming-
ton for laying the foundation for the current volume. I recognize
that we all stand upon the shoulders of giants and are sup-
ported by those leaders who taught and inspired many previous
generations.

I especially thank Alfonso R Gennaro, PhD for his continued
support. Dr. Gennaro was Remington editor for the past four
editions. No one is more familiar with Remington than he is. Dr.
Gennaro has been instrumental in the creation and review of
the drug monographs. Ensuring scientific accuracy is critical in
a book such as Remington, and he has been very generous with
his time and expertise in this area.

A heartfelt thanks also goes to Mr. John Hoover, author and
indexer, who has been involved with Remington since the 1960s
and has provided editorial guidance at every step of the process.

It is a pleasure and honor to work on a book with such a long
and rich tradition.

Randy Hendrickson
Editor

xvii
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ELECTROLYTES

In a preceding chapter, attention was directed to the colligative
properties of nonelectrolytes, or substances whose aqueous so-
lutions do not conduct electricity. Substances whose aqueous
solutions conduct electricity are known as electrolytes and are
typified by inorganic acids, bases, and salts. In addition to the
property of electrical conductivity, solutions of electrolytes ex-
hibit anomalous colligative properties.

COLLIGATIVE PROPERTIES

In general, for nonelectrolytes, a given colligative property of
two equimolal solutions will be identical. This generalization,
owever, cannot be made for solutions of electrolytes.

. Van't Hoff pointed out that the osmotic pressure of a solu-
tion of an electrolyte is considerably greater than the osmotic
Pressure of a solution of a nonelectrolyte of the same molal con-
tentration. This anomaly remained unexplained until 1887
When Arrhenius proposed a hypothesis that forms the basis for
our modern theories of electrolyte solutions.

This theory postulated that when electrolytes are dissolved

in ‘«\i'later they_split up into charged particles known as ions.
th;:ecto:’f]th}?se 10ns carries one or more electrical charges, with
R }? charge on the positive ions (cations) being equal to the
e n%:rge on the negative ions (@nions). Thus, although a so-
e ;ty contain charged particles, it remains neutral. The
Al 051‘“0[10‘}}!‘95&5‘\1[‘6 of such_solutions is due to the in-

s Number of particles formed in the process of ionization.

*ample, sodium chloride is assumed to dissociate as

H.0
Na*Cl- Na* + CI-

It is evi
. 1de : s
dls A 1(_1“. lhdt e

p: ‘h . ~ .
Sociated produ t‘u molecule of sodium chloride that is

ere will b . Wo ions, and if dissociation is complete,
Were not d.f{ Lwice as many particles as would be the case if it
Same effa lhsow‘“e‘l.ﬂt all. Furthermore, if each ion has the
Pecteq (i C: on 0smotic pressure as a molecule, it might be ex-
that of 5 :DIU'\..L' osmotic pressure of the solution would be twice
;2 Solution containing th i a
“"“lumzmg At g the same molal concentration of
SMOotic-nrasamn gl 51 : R 2
of salys ‘:;':‘- Pressure da}tu indicate that, in very dilute solutions
\at Ofs(.lnt~ywld two ions, the pressure is very nearly double
imilgy ]‘]::‘-r'l"SI}i of equimolal concentrations of nonelectrolytes.
y ' ulie ' RV e s o i
e ,l“Vi'llum, !:,ml ication of vapor-pressure lower ing, boiling-point

l0ng f freezing-poing depression occurs in dilute solu-
electrolyqgs,
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general, with strong electrolytes k
ionized), the van't Hoff factor is equal to the >
duced when the electrolyte goes into solution (2 for
MgSO,, 3 for CaCly and Na;SO,, 4 for FeCl; and Nas
In very dilute soluhne:;stheosn::dc : -
lowering, boiling-point elevation, and freezing-point depression
of solutions of electrolytes approach values two, three, four, or
momﬁmeagreater(dependingmthewpedm lec
than in solutions of the same molality of nonelectrolyte,
confirming the hypothesis that an ion has the same pri:
fect as a molecule on colligative properties. It 1
however, that two other effects are observed
tion of electrolyte is increased. bordi®
The first effect results in less than 2, 3-, or 4-fold intensification of a col-
ligative property. This reduction is ascribed to interionic attraction be-
tween the positive and negatively charged ions, in consequence of which

trolyte.

The second effect intensifies the colligative properties and is at-
tributed to the attraction of ions for solvent molecules (called solvation,
or, if water is the solvent, hydration), which holds the solvent in solu-
tion and reduces its escaping tendency, with a consequent enhancement
of the vapor-pressure lowering. Solvation also reduces interionic attrac-
tion and, thereby, further lowers the vapor pressure. '

CONDUCTIVITY

The ability of metals to conduet an electric current results from
the mobility of electrons in the metals. This type of conductiv- -
ity is called metallic conductance, On the other hand, various
chemical compounds—notably acids, bases, and salts—conduct
electricity by virtue of ions present or formed, rather than by

= 1P

o

-

Pl

T —— :
IPR2025-00033
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- ded by
_Balancing of the bridge be achieved by sliding a con-
ver a wire of uniform resistance until no {or minimum)

m Mhm chutheles& this information actu-
it the conductivity of & standard solution of known s ¢ con-
ductance is i much more convenient—and then
calculating 2 cel! constant. Because this constant is a function

&,

2

Cell

Slide Wire
Ry Fz

-

! Oscilloscope

3
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d Standard
N Fesistonce
,5 Conductivty

Figure 17-1, Alternating current Wheatstone bridge for measuning
conductivity
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91.0

150.3
— 89.2
— 88.5
144.4 857
142.2 B3B8
0.0200 139.5 81.2
0.0500 3 135.0 76.9
0.1000 39 131.1 728

* The equivalent conductance at infinite dilution for acetic acid, a weak
electrolyte, is obtained by adding the equivalent conductances of
hydrochloric acid and sodium acetate and subtracting that of sodium

only of the dimensions of the cell, it can be used to convert all
measurements in that cell to specific conductivity. Solutions of
known concentration of pure potassium chloride are used as
standard solutions for this purpose. :

EQUIVALENT CONDUCTANCE—In studying the varia-
tion of conductance of electrolytes with dilution it is essential to
‘make allowance for dilution so that the comparison of conduc-
tances may be made for identical amounts of solute. This may
be achieved by expressing conductance measurements in terms
of equivalent conductance, A, which is obtained by multiplying
the specific conductance, L, by the volume in milliliters, V., of a
solution containing 1 g-eq of solute. Thus,

10004

= = 2)
A=LV, = (2)

where C is the concentration of electrolyte in the solution in g-
eq/L, that is, the normality of the solution. For example, the
equivalent conductance of 0.01 N potassium chloride solution,

which has a specific conductance of 0.001413 mho/cm, may be
calculated in either of the following ways:

A = 0.001413 x 100,000 = 141.3 mho em?/eq

1000 x 0.001413

A=_D.(‘ll__= 141.3

STRONG AND WEAK ELECTROLYTES—Electrolytes
are classified broadly as strong electrolytes and weak elec-
trolytes. The former category includes solutions of strong acids,
strong bases, and most salts; the latter includes weak acids and
bases, primarily organic acids, amines, and a few salts. The
usual criterion for distinguishing between strong and weak
electrolytes is the extent of ionization. An electrol yte existing
entirely or very largely as ions is considered a strong elec-
trolyte, while one that is a mixture of some molecular species
along with ions dex:ived from it is a weak electrolyte. For the
purposes of this discussion, classification of electrolytes as
strong or weak will be based on certain conducta
istics exhibited in aqueous solution,

The equivalent conductances of some electrolytes, at differ-
ent concentrations, are given in Table 17-1 and for certain of
these electrolytes again in Figure 17-2, where the equivalent
conductance is plotted against the square root of conc
By plotting the data in this manner a linear relation
served for strong electrolytes, while a steeply risin
noted for weak electrolytes; this difference is a cha
Lhz;_t distinguishes strong and weak electrolytes. The int, 5
tation of the steep rise in th ivale sy

* steep rise in the equivalent conductance of weak
e’luc!.rulytcn»u that the degree of ionization increases with dilu-
tion, becoming complete at infinite dilution.
1J_m.h'!t.t:;iunil: interference effects generall

- conductivity of weak electrolytes, With trong electr 3
;thh are usually completely iufni?_ed, the ;wre)t%s:]‘iu;ti-?:gjl:&
ent conductance results not from increased ionization but from

nce character-

entration,
ship is ob-
g curve is
racteristic

¥ have a minor role in

Petitioner Exhibit 1055D



400 il

o
o
o

Conductance

200 ||

Equivalent

|
-
M
|

100 |-

F CHzCOOH

1 !
01 0.2 0.3

\f Concentration

Figure 17-2. Varation of equivalent conductance with square root of
concentration

diminished ionic interference as the solution is diluted, in con-
sequence of which ions have greater freedom of mobility (ie, in-
creased conductance).

The value of the equivalent conductance extrapolated to in-
finite dilution (zero concentration), designated by the symbol
Ao, has special significance. It represents the equivalent con-
ductance of the completely ionized electrolyte when the ions
are so far apart that there is no interference with their mi-
gration due to interionic interactions. It has been shown, by
Kohlrausch, that the equivalent conductance of an electrolyte
al infinite dilution is the sum of the equivalent conductances
Oflllts component ions at infinite dilution, expressed symboli-
cally as

Ao = lo(cation) + [g(anion) (3)

The significance of Kohlrausch’s law is that each ion, at infinite
dilution, has a characteristic value of conductance that is inde-
pendent of the conductance of the oppositely charged ion with
Which it is associated. Thus, if the equivalent conductances of
various ions are known, the conductance of any electrolyte may
e caleulated simply by adding the appropriate ionic conduc-
lances,
As the fraction of current carried by cations (transference
number of the cations) and by anions (transference number of
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cations and anions. It i
tion to calculate the

calculated as . s st STl
Ao(CH;COOH) = AfHCI) + Ao(CH;COONa) —
which is equivalent to
I(H*) + ICH,CO0™) = () + L(C1) + (ONa®)
+ I(CH;CO0) — [fNa®) = I€1)

This method is especially useful for calculating for weak elec-
trolytes such as acetic acid. As evident from Figure 17-2, the Ay
value for acetic acid cannot be determined accurately by ex-
trapolation because of the steep rise of conductance in dilute so-
lutions. For strong electrolytes, on the other hand, the extrapo-
lation can be made very accurately. Thus, in the example above,
the values of for HCl, CH;COONa, and NaCl are determined
easily by extrapolation as the substances are strong elec-
trolytes. Substitution of these extrapolated values, as given in
Table 17-2, yields a value of 390.6 for the value of Ay for
CH,;COOH.

IONIZATION OF WEAK ELECTROLYTES—When Ar-
rhenius introduced his theory of ionization he proposed that the
degree of ionization, a, of an electrolyte is measured by the ratio

e =\/\p (4)

where A is the equivalent conductance of the electrolyte at
any specified concentration of solution and \y is the equiva-
lent conductance at infinite dilution. As strong electrolytes
were then not recognized as being 100% ionized, and interi-
onic interference effects had not been evaluated, he believed
the equation to be applicable to both strong and weak elec-
trolytes. It now is known that the apparent variation of ion-
ization of strong electrolytes arises from a change in the mo-
bility of ions at different concentrations, rather than from
varying ionization, so the equation is not applicable to strong
electrolytes. It does provide, however, a generally acceptable
approximation of the degree of ionization of weak electrolytes,
for which deviations resulting from neglect of activity coeffi-
cients and of some change of ionic mobilities with concentra-
tion are, for most purposes, negligible. The following example
illustrates the use of the equation to calculate the degree of
ionization of a typical weak electrolyte.

Example—Calculate the degree of ionization of 1 X 10 ¥ N acetic
acid, the equivalent conductance of which is 48.15 mho cm*eq. The
equivalent conductance at infinite dilution is 390.6 mho cm*/eq.

_ 4815 a
T 3906
% wonization = 100a = 12%

@ 012

Table 17-2. Equivalent lonic Conductivities at Infinite

Dilution, at 25°

CATIONS la ANIONS lo

H* 349.8 OH™ 198.0
Lit 38.7 cl- 763
Na*® 50.1 Br- 784
K* 735 - 76.8
NH,* 619 AcO™ 409
%Cat 59.5 %5042 798
%“Mg?™ 53.0

IPR2025-00033
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mical effectiveness of an ion is known as
e e e
it & universally & :

a=my 6

concentration, y is the activity coefficient,
activity also can be expressed in Lerms

a=fc (7

flicient on 8 molar scale. In dilute so-
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e mean ionic activity coeffi-
1 as are such diverse phe-
soluble substances, rates of
Its on pH of buffers, electrophoresis
ions of higher charge on a spe-
th the effectiveness of the same
zed ions, generally coincides with the
ed by Equation 8. The variation of ionic
rith the valence (charge) of the ions comprising a
C uld be noted.
ons and univalent anions (called uniunt-
ytes, the ionic strength is identical with
tion and univalent anion (biunivalent
T ectrolytes, or univalent cation and bivalent anion
bivalent or 1-2) electrolytes, the ionic strength is three times
the molarity. For bivalent cation and bivalent anion (bibivalent
“2':'.'2)9]' ytes, the ionic strength is four times the molarity.
These rela lips are evident from the following example.
EzampleCalculate the ionic strength of 0.1 M solutions of NaCl,
Na;S0,, MgCly, and MgS0,, respectively, for
NaClp=%(0.1 %1%+ 0.1 x 1?) = 0.1
Na,S0, p=%(02x 12+ 0.1 x 22) = 0.3
MgCl, u = %(0.1 X 2% + 0.2 x 12) = 0.3
MgSO0,p = %(0.1 x 22 + 0.1 x 22) = 0.4

The ionic strength of a solution containing more than one elec-
trolyte is the sum of the ionic strengths of the individual salts
comprising the solution. For example, the ionic strength of a so-
lution containing NaCl, Na,S0,, MgCl,, and MgSO., cach at a
concentration of 0.1 M,is 1.1,

~ DEBYE-HUCKEL THEORY—The Debye—Huchel equa-
tions, which are applicable only to very dilute solutions (about
0.02 p), may be extended to somewhat more concentrated solu-
tions (about 0.1 p) in the simplified form

~0.51 2% Vi
1+J|:

The mean ionic activity coefficient for aqueous solutions of elec-
trolytes at 25° can be expressed as

log f, = (9}

-051 z,2_

log f. sy

(10)

n W’hldl 2, 18 the valence of the cation and z_ is the valence of
the anion. When the ionic strength of the solution becomes high
(nppmmuly Oj.i Lo 0.5), these equations become inadequate
and a linear term in p is added. This is illustrated for the mean
ionic activity coefficient,

061 z,z. \ﬁ:

logf. = + K,
sz l+\[b-_l- ®*

(11
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! 1430 vaugebng
in which K, is a salting-out constant chosen empirically for each
salt, This equation is valid for solutions with ionic strength up
to approximately 1. )

SALTING-OUT EFFECT—The aqueous solubility of a
slightly soluble organic substance generally is affected
markedly by the addition of an electrolyte. This effect is partic-
ularly noticeable when the electrolyte concentration reaches
0.5 M or higher. If the aqueous solution of the organic substance
has a dielectric constant lower than that of pure water, its sol-
ubility is decreased and the substance is salted-out. The use of
high concentrations of electrolytes, such as ammonium sulfate
or sodium sulfate, for the separation of proteins by differential
Pprecipitation is perhaps the most striking example of this ef-
fect. The aqueous solutions of a few substances such as hydro-
ctyanic acid, glycine, and cystine have a higher dielectric con-
stant than that of pure water, and these substances are
salted-in. These phenomena can be expressed empirically as

log S = log So = K.m (12)

in which S; represents the solubility of the organic substance in
pure water and S is the solubility in the electrolyte solution.
The slope of the straight line obtained by plotting log S versus
m is positive for salting-in and negative for salting-out. In
terms of ionic strength this equation becomes

log S = log Sy + K (13)

where K, = K, for univalent salts, K’, = K./3 for unibivalent
salts, and K, = K,/4 for bivalent salts. The salting-out constant
depends on the temperature as well as the nature of both the
organic substance and the electrolyte. The effect of the elec-
trol_yte and the organic substance can be seen in Table 17-3. In
all instances, if the anion is constant, the sodium cation has a
sreater salting-out effect than the potassium cation, probably
due to the higher charge density of the former. Although the
Teasoning is less clear, it appears that, for a constant cation,
Chlo_ride anion has a greater effect than bromide anion upon the
salting-out phenomenon.

ACIDS AND BASES

A"thiUS defined an acid as a substance that yields hydrogen
1005 In aqueous solution and a base as a substance that yields
hydl‘oxy_'l ions in aqueous solution. Except for the fact that hy-
drogen ions neutralize hydroxyl ions to form water, no comple-
i“e“tﬂl‘y relationship between acids and bases (eg, that be-
“een oxidants and reductants) is evident in Arrhenius'
ﬁﬁmtmns. for these substances; rather, their oppositeness of
¢ “mc_tlﬂ' is emphasized. Moreover, no account is taken of the
th avior (I)f.nci_ds and bases in nonaqueous solvents. Also, al-
ough acidity is associated with so elementary a particle as the
E(:'::l-on (hydl‘ogen. ion), basicity is attributed to so relatively
Iplex an association of atoms as the hydroxyl ion. It would
Seem that g simpler concept of a base could be devised.
v P,RO,TON CONCEPT—In pondering the objections to Ar-
Chius’ definitions, Bronsted and Bjerrum in Denmark and
Bat‘iv?( in England developed, and in 1923 announced, a more
e dﬁ_ actory, 'aml more general, theory of acids and bas_es. Ac-
Tding to this theory, an acid is a substance capable of yielding
A proton (hydrogen ion), whereas a base is a substance capable
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ions, may function as acids or bases.
The complementary nature of the .
reminiscent of the complementary
dants and reductants where, however,
one or more electrons—rather than
Oxidant. . Heductamt s
Fel* + e =Fe’*
Na® +e =Na
vil, +e- =1

However, these examples of acid—base pairs and
reductant pairs represent reactions that are possible in pr
ple only. Ordinarily acids will not release free protons any

than reductants will release free electrons. That is, ps d
electrons, respectively, can be transferred only from one sub-
stance (an ion, atom, or molecule) to another. Thus, it is a fun-
damental fact of chemistry that oxidation of one substance will
occur only if reduction of another substance oceurs simultane-
ously. Stated in another way, electrons will be released from
the reductant (oxidation) only if an oxidant capable of accepting
electrons (reduction) is present. For this reason oxidation—
reduction reactions must involve two conjugate oxidant-reduc-
tant pairs of substances: Vil

oxidant, + reductant, = reductant, + oxidant,

where Subscript 1 represents one conjugate oxidant-reductant
pair and Subscript 2 represents the other. i
Similarly, an acid will not release a proton unless a base ca- "”‘?
pable of accepting it is present simultaneously. This means that
any actual manifestation of acid-base behavior must involve
interaction between two sets of conjugate acid—base pairs, rep-
resented as i,

A+ B. = B, + A;
acid, base: base, acidy

In such a reaction, which is called protolysis or a protolytic re-
action, A, and B, constitute one conjugate acid-base pair, and
A; and B; the other; the proton given up by A, (which thereby
becomes B,) is transferred to B, (which becomes A,). :

When an acid, such as hydrochlori, is dissolved in water, a
protolytic reaction occurs, ;

HCI + H.O0 = CI- + Hy0* '
acidy  basey base,  acids ]

The ionic species HyO", called hydronium or oxonium ion, al-
ways is formed when an acid is dissolved in water. Often, for
purposes of convenience, this is written simply as H* and is
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: I g L
H* + :N:H -{H'N.H]
- H L H
n trichloride, which according to the Lewis
d, with ammonia is similar, for the boron lacks

ituwmamambiemtmﬁgmmn,
a pair of electrons that may be shared,

ci H ClH
1 B-ir'N.H G"B'N’H
c H CIH

EFFECT OF A BOLVENT—When the strong

such as HCIO,, H,80, HCI, or HNO; are dissolved in wa-

%W&eymdmucdmhtyandmm

! have about the same hydrogen-ion con-

centratic 'mﬂmﬂgmmwbeﬁfabantthesame

strength. The reason for this is that each one of the acids un-
dergoet practically complete protolysis in water.,

)

HCl + Cl- o+
- . MMM

ﬁmnmm.udled the leveling effect of water, oceurs

m ver the added acid is stronger daanuwhydmmum ion.
Such a reaction manifests the wendency of proton-Lransfer reac-
lsimﬂpm&mﬂ ;ponhamuly in the direction of forming a

er acid or weaker Lase
the strongest md that can exist in an amphiprotic
lglmthmwe acid form of the solvent, any stronger
acid will undergo protol w the weaker solvent acid,
- HCIO4 Hﬁ@@iﬁﬂ.w 0 gre all stronger acids than the
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hyd _
ter, any base atrung_ tb
; t_:c_. hydmmde

- (1104 + CH3COO0H,*
acidz

(weak)

alytics e%smstry as a titrant for a variety of sub-
m'ﬁlﬂ-m. as bases in acetic acid. Because of its abil-
the acidity of various acids, it is called a

{ ating solvent for acids: this property results from its

mhﬁvely w&kmﬁmmpm tendency. A solvent that differ-

of different bases must have a weak proton-

) it is called a d:ﬁ“emntaatmg solvent for bases.
uid ammonia is typical of solvents in this category.

Solvents that have both weak proton-donor and proton-ac-
ceptor bendencwa are called aprotic solvents and may serve as

solvents for both acids and bases; they have lit-
ﬂexfany action on solutes and serve mainly as inert dispersion
media for the solutes. Usefiil aprotic solvents are benzene,
toluene, or hexane.

IONIZATION OF ACIDS AND BASES—Acids and bases
commonly are classified as strong or weak acids and strong or
weak bases depending on whether they are ionized extensively
or slightly in aqueous solutions. If, for example, 1 N aqueous so-
lutions of hydrochloric acid and acetic acid are compared, it is
found that the former is a better conductor of electricity, reacts
much more readily with metals, catalyzes certain reactions
more efficiently, and possesses a more acid taste than the lat-
ter. Both solutions, however, will neutralize identical amounts
of alkali. A ﬁmular comparison of 1 N solutions of sodium hy-

droxide and ammonia reveals the former to be more active than
the latter, although both solutions will neutralize identical
quantities of acid.

The differences in the properties of the two acids is at-
tributed to differences in the concentration of hydrogen (more
aceurately hydronium) ion, the hydrochloric acid being ionized
to a greater extent and thus containing a higher concentration
of hydrogen ion than acetic acid. Similarly, most of the differ-
ences between the sedium hydroxide and ammonia solutions
are attributed to the higher hydroxyl-ion concentration in the
{ormer.

The ignization of incompletely ionized acids may be consid-
ered a reversible reaction of the type

HA=H"+ A

where HA is the molecular acid and A~ is its anion. An equilib-

rium expression based on the law of mass action may be applied
Lo the reaction ¥ PRUS

[H][A")

Ku = —TiA)

(14)
where K, is the ionization or dissociation constant, and the
brackets signify concentration, For any given acid in any specs
iied solvent and at any constant temperature, K, remains rel-
atively constant as the concentration of acid is varied, provided

the acid is weakly ionized. With increasingly stronger acids,
however, progressively larger deviations occur,
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] mn
e, accepting a proton (Brgnsted’
1g a share in a pair of electrons (Lewis’ de
. This reaction may be writtenas

HA + H:0 = A~ + H,0*

Application of the law of mass action to this reaction grves

_ [H,0*)(A") nh

= THAI,01 et
Because [H;0] is a constant, this equation may be written

_ [H,0°][A7)

SR (G (16)

This equation is identical with Equation 14 because [H;0*] is
numerically equal to [H™].

Acids that are capable of donating more than one proton are
termed polyprotic. The ionization of a polyprotic acid occurs in
stages and can be illustrated by considering the equilibria in-
volved in the ionization of phosphoric acid:

H3;PO; + H,O = H,PO,~ + H30*
H.PO,  + H,0 = HPO,?~ + H3;0*
HPO,?> + H,0 = PO~ + H 0"

A_pplication of the law of mass action to this series of reactions
gives

_ [H.PO,"][H,0*

LT [H,PO,] i
_ [HPO*"|[H,07]

K= Rpo, A
. _ [POS7][H,0%]

e [HPO,2" | Q)

lf"the three expressions for the ionization constants are multi-
plied together, an overall ionization, K, can be obtained

_ (PO )H,OP

K=RKK,= (1,PO,] (20)

Elach of the successive ionizations is suppressed by the hydro-
Dum ion formed from preceding stages according to Le Chate-
lier's principle. The successive dissociation constants always de-
0793_38 n value, as successive protons must be removed from
Species that always are charged more negatively. This can be
Seen frotr{ the data in Table 17-4, in which K, for phosphoric acid
18 approximately 100,000 times greater than K, which is in turn
approximately 100,000 times greater than Ks. Although succes-
sive dissociation constants are always smaller, the difference is
Not always as great as it is for phosphoric acid. Tartaric acid, for
example, has K, = 9.12 x 10 * and K3 = 4.27 x 1072,
lonization of a base can be illustrated by using the specific
substance NHj for an example. According to Bronsted and
€wis, when the base NHj is dissolved in water, the latter acts
8 an acid, donating a proton to NHj, which accepts it by offer-
Ing a share in a pair of electrons on the nitrogen atom. This re-
action is written

NH; + H,O = NH." + OH-
hase  acld
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Mandelic

Monochloroacetic

Oxalic (2H,0)

Phenobarbital
Phenol
Phosphoric

Picric
Propionic
Saccharin
Salicylic
Succinic

Sulfadiazine
Sulfamerazine
Sulfapyridine
Sulfathiazole
Tartaric

Trichloroacetic

Acetanilide
Ammonia
Apomorphine
Atropine
Benzocaine
Caffeine
Cocaine
Codeine
Ephedrine
Morphine
Papaverine
Physostigmine

Pilocarpine

Procaine
Pyridine
Quinine

Reserpine
Strychnine

Theobromine
Thiourea
Urea

10-3
106x 1072

33x 1077

6.4x10°%
23x 1078

8.7 /107 2% -
3.6 % 107N
7.6:c 10-%0
96x107*
44x10°5
1.3 105 i

4.1 x 107 (40°)

1.74 x 1073 :

1.0x 1077
4.5 x 1073
6.0x 1072
4.1 x 1074 (40°)
2.6% 1078 :
9x 1077
23x 1073
7.4 x 1077
8x 107?
7.6 x 1077
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addition of an alkali to pure water

some of the hydronium

Bt e e et s

M‘“ﬁum@'d&mm
iase, or @ base and its conjugate acid, exints. For
the strength of the Lase NH3 and its con-
water, The behavior of NH, as 8 buse is ex-

© NH,vBO=NHS ¢ O
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NH,1[H,0°* |[NH,* 1IOH" |
 INHSIINE

K., = K,K; (28)

roduct of water as defined in Equation 24.
relationship, which is a general one for
ir, is evident from the following de-
"an acid may be expressed in terms
e K, or the Kj of its conjugate base, or vice versa; (2)

n acid may be calculated if the K, of its conjugate
r vice versa; and (3) the stronger an acid is, the
gate base, or vice versa.

rit

Baseethat capable of interacting with more than one
proton are termed polyacidic, and ean be illustrated by

PO + H,0 = HPO.* + OH -
HPO2" + H,0 = HpPO,~ + OH
H;PO, + H;0 = H;PO, + OH
Applymgﬂaelaw of mass action to this series of reactions, and us-

ing the concepts outlined in Equations 25 to 28, the relationship
between the various K, and K, values for phosphoric acid are

Ky =Koy %Kiy = Koz X Kpp = Kug % K1 (2%

"_im'. K1, Ka3, and K, refer to the equilibria given by Equa-
tions 17, 18, and 19, respectively; K1, Ky2, and K, refer to the
re::;on of PO, HPO2", and H;PO, , respectively, with
water.

' ELECTRONEGATIVITY AND DISSOCIATION CON-
BTANTS—Table 17-4 gives the dissociation constanis of several
weak acids and weak bases, in water, at 25°. Strong acids alnﬁ
strong bases do not obey the law of mass action, so dissociation
constants cannot be formulated for these strong electrolytes.

“Table 17-4 shows that great variations occur in the strength
of weak acids and weak bases. The effect of various sub-
stituents on the strength of acids and bases depends on the elee-
tronegativity of the substituent atom or radical. For example,
the substitution of one chlorine atom into the molecule of acetic
acid increases the degree of jonization of the acid. Substitution
of W?nhhrim atoms further increases the degree of ionization,
and introduction of three chlorine atoms produces a still
stronger acid. Acetic acid jonizes primarily because the oxygen
atom adjacent to the hydrogen atom of the carboxyl group has
a stronger affinity for electrons than the hydrogen atom. Thus,
when acetic acid is dissolved in water, the polar molecules of
thf water have a stronger affinity for the hydrogen of acetic
acid than the hydrogen atoms of water. The acetic acid ionizes
as a consequence of Lhis difference in affinities. .
~ When an atom of chlorine is introduced into the acetic acid
molecule, forming CICH,COOH, the electrons in the molecule
are atlracted very strongly to the chlorine because of its rel-

atively high electrenegativity; the bond between the hydrogen

and the uxygen in the carboxyl group is thereby weakened,
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creases the strength of the acid. >
tion of chlorine into the molecule of amm
strength of the base because of its decreased
hydrogen ion. T TEINEL 8 WY T
“IONIC STRENGTH AND DISSOCIATION CON-
STANTS—Most solutions of pharmaceutical interest are in a
concentration range such that the ionic strength of the solution
may have a marked effect on ionic equilibria and observed dis-
sociation constants. One method of correcting dissociation con-
stants for solutions with an ionic strength up to about 0.3 is to
calculate an apparent dissociation constant, pK,, as

=

s

0.51 (22 — D) Ve

1+

in which pK, is the tabulated thermodynamic dissociation con-
stant, Z is the charge on the acid, and p is the ionic strength.

Example—Calculate pK% for succinic acid at an ionic strength of 0.1.
Assume that pK, is 5.63. The charge on the acid species is —1.

pK; = pK, + (30)

0.51 (=2 —1) 0.1
1+ 0.1

=563 — 0.37 = 5.26

pK; = 5.63

DETERMINATION OF DISSOCIATION CON-
STANTS—Although the dissociation constant of a weak acid or
base can be obtained in a wide variety of ways including con-
ductivity measurements, absorption spectrometry and parti-
tion coefficients, the most widely used method is potentiometric
pH measurement (see Potentiometry). The simplest method in-
volving potentiometric pH measurement is based on the mea-
surement of the hydronium-ion concentration of a solution con-
taining equimolar concentrations of the acid and a strong-base
salt of the acid. The principle of this method is evident from an
inspection of Equation 16; when equimolar concentrations of
HA (the acid) and A (the salt) are present, the dissociation
constant, K,, numerically is equal to the hydronium-ion con-
centration (also, the pK, of the acid is equal to the pH of the so-
lution). Although this method is simple and rapid, the dissocia-
tion constant obtained is not sufficiently accurate for many
purposes.

_ To obtain the dissociation constant of a weak acid with a
high degree of accuracy and precision, a dilute solution of the
acid (about 107 to 10 * M ) is titrated with a strong base, and
the pH of the solution taken after each addition of base. The re-
sulting data can be handled in a wide variety of ways, perhaps
the best of which is the method proposed by Benet and Goyan.*
The proton balance equation for a weak acid, HA, being titrated
with a strong base such as KOH, would be

[K*] + [Hy0'] = [OH7] + [A"] (31)

in which [K*] is the concentration of the base added. Equation
31 can be rearranged to give
Z=[A"]=[K"] +[H0"] - [OH] (32)

When a weak monoprotic acid is added to water, it can exist in
the unionized form, HA, and in the ionized form, A~. After equi-
llhrlpm is established, the sum of the concentrations of both
Species must be equal to C,, the stoichiometric (added) concen-

tration of acid, or
C.=[HA)+[A 1=[HAl+ Z (33)
The term [HA| can be replaced using Equation 16 to give

H,0" |2
s 5 212

(34)
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A plot of Equation 37 should yield a straight line with a slo
equal to K, and an intercept of K;K5. Dividing the intercept
the slope yields K.

MICRO DISSOCIATION CONSTANTS—The dissocia-

tion constants for polyprotic acids, as determined by
metric titration, are known generally as macro, or
constants. As it is known that carboxyl groups are stronger
acids than protonated amino groups, there is no difficulty in as-
signing K, and K, as determined by Equation 37, to the car-
boxyl and amino groups, respectively, of a substance such as
glycine hydrochloride. Loy

In other chemicals or drugs such as phenylpropanolamine,
in which the two acidic groups are the phenolic and the proto-
nated amino group, the assignment of dissociation constants is
more difficult. This is because, in general, both groups have dis-
sociation constants of equal magnitude. Thus, there will be two
ways of losing the first proton and two ways of losing the sec-
ond, resulting in four possible species in solution. This can be il-
lustrated using the convention of assigning a plus (+) to a pos-
itively charged group, a 0 to an uncharged group, and a minus
(=) to a negatively charged group. Thus, +0 would represent
the fully protonated phenylpropanolamine, +— the dipolar ion,
00 the uncharged molecule, and 0—, the anion. The total ion-
ization scheme, therefore, can be written

R
, \ P
+0 0-
Na e o

The micro constants are related to the macro constants as
K=k +ks (38)
K\Ks = kRiks = kaky (39)

It can be seen from Equation 38 that unless k; or k2 is very
much smaller than the other, the observed macro constant is a
composite of the two and cannot be assigned to one or the other
acidic group in a nonambiguous way.

Methods for determining &, are given by Riegelman et al®
and Niebergall et al.* Once k,, K}, and K have been deter-
mined, all of the other micro constants can be obtained from
Equations 38 and 39.
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= log 10,000 or jug (1 x 10*4)
Jog (1% 10" = +4
pH=14
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blem also may be solved as follows:
pH = —log (3.6 x 10-5)

og

=—444 = log (3.6 x 10~7)
pH=—(-444) = +4.44 = 4.44

m{nllowmgmmpka illustrate the conversion of p nota-
tion to exponential notation. 3

Lmﬂ:t& the bydronium-ion concentration corresponding to a

Fim gt
PH = log 11y 671

; 1
444'-*!93{"]0‘]

1
mﬁmuhg 0f4.44 = 28,000 (rounded oll)

1
[H07] = 28000 = 0000036 0r 3.6 x 107

This calculation also may be made as
+4.44 = —log [HgO‘]

=4.44 = +]og (H;0 "]

In finding the antilog of —4 44 it should be kept in mind
mantissa (the number to the right of the decimal ppmm.- of a lnt::; mz
base 10 (the common or Briggsian logarithm base) is o/ ays positive but
that ﬂmthramﬂm{the number to the left of the decimal point) may
be positive or negative. As the entire log —4.44 is negative, it ig ohvious
that ene cannot look up the antilog of —0.44. However, the number
—4.44 dso may be writlen (-5.00 + 0.56), or as more often written
5,586, thebnrmoa the characteristic indicates that it alone is negative,
wlnletlwmt of the number is positive. Looking up the an tilog of 0 56
it 18 found to be 3.6; as the antilog of ~5.00 is 10 °, it follows that the
hydmmcum-wu concentration must be 3.6 ¥ 10 ® mols/],,

2 Pﬁkm;he hydronium-ion concentration corresponding to g

Solution;
10T = —log[H,07 ]
=10.17 = log[H,07]
=107 = (=11.00 + 0.84) = TT.83

The antilog of 083 = 6.8,
The antilog of ~11.00 = 19 12
The hydronium-ion eoncentration is therefore 6.8 x 10 1! mol/L,,
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In the section Ionization of Water, it was shown that the hy-
dronium-ion concentration of pure water, at 25°,is 1 X 10 "N,
corresponding to a pH of 7.

This figure, therefore, is designated as the neutral point,
and all values below a pH of 7 represent acidity—the smaller
the number, the greater the acidity. Values above 7 represent
alkalinity—the larger the number, the greater the alkalinity.
The pH scale usually runs from 0 to 14, but mathematically
there is no reason why negative numbers or numbers above 14
should not be used. In practice, however, such values are never
encountered because solutions that might be expected to have
such values are too concentrated to be ionized extensively or the
interionic attraction is so great as to materially reduce ionic
activity.

The pH of the purest water obtainable, so-called ‘conductiv-
ity water), is 7 when the measurement is made carefully under
conditions to exclude carbon dioxide and prevent errors inher-
ent in the measuring technique (such as acidity or alkalinity of
the indicator). Upon agitating this water in the presence of car-
bon dioxide in the atmosphere (equilibrium water), the value
drops rapidly to 5.7. This is the pH of nearly all distilled water
that has been exposed to the atmosphere for even a short time
and often is called ‘equilibrium’ water.

It should be emphasized strongly that the generalizations
stated concerning neutrality, acidity, and alkalinity hold ex-
actly only when (1) the solvent is water, (2) the temperature is
25°, and (3) there are no other factors to cause deviation from
the simply formulated equilibria underlying the definition of
pH given in the preceding discussion.

SPECIES CONCENTRATION

When a weak acid, H,A is added to water, n + 1 species, in-
cluding the un-ionized acid, can exist. After equilibrium is es-
tablished, the sum of the concentrations of all species must be
equal to C,, the stoichiometric (added) concentration of acid.
Thus, for a triprotic acid H3A,

Ca = [HzA] + [HoA™] + [HA%"] + [A;7] (46)

In addition, the concentrations of all acidic and basie species
in solution vary with pH, and can be represented solely in terms
of equilibrium constants and the hydronium-ion concentration.
These relationships may be expressed as

[H,A] = [Hy0**C./D 7
(Ha-;A™7] = (HsO' Ky, . . ., K,ColD (48)

inwhich n represents the total number of dissociable hydrogens
in the parent acid, j is the number of protons dissociated, C, is
the stoichiometric concentration of acid, and K represents the
acid dissociation constants. The term D is a power series in
[H;0*] and K, starting with [H30"] raised to the nth power.
The last term is the product of all the dissociation constants.
The intermediate terms can be generated from the last term by
substituting [Hy0*) for K, to obtain the next-to-last term, then
substituting [Hy0" ] for K, ; to obtain the next term, and on-
ward until the first term is reached. The following examples
show the denominator, D, to be used for various types of acids:

HsA: D = (HyO' P + K\[HyO " P + K\Ku[HyO' ] + K\ KoKs  (49)

H.A'D = [H,07) + K,[H,0"] + K,K, (50)

HA: D = [H,07] + K, (51)

The numerator in all instances is C, multiplied by the term

from the denominator that has [HsO"] raised to the n — B

power, Thus, for diprotic acids such as carbonic, succinic, tar-
tarie, and so on,

[HsO*1*C,

(52)
(H;0° ] + K [H,07] + KK,

l“_-:\] ==
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Exam ofa
a 1.0 X 10" M solution of succinic acid at pH 6. As
X 10°%and K, = 2.3 X 1079,
Equations 52-54 have the same denominator, D,
culated as e

D = [H:0"F + Ky[H,0*] + KiK; oy < EE
=10%x10"2+64x10°%x 1.0x 107 + 6.4 .
X 1073 % 23 x 1078
=10x1072+64% 10" +147x 100"

=212x 101
Therefore,
[H-)O’]‘?'Ca
(HA]=—p5
0 x 10-12 0x 1072
B IO O M o
21.2 x 101
_._ K\[H0"]C,
A )= =rr
4x 1004 x 1.0 e
EROE S SEA =3.0x10*M
21.2 x 107"
. _ KiECo
Ghi=—
-11 -3
% 14.7x 107" x 1.0 x 10 gy
21.2 x 101

PROTON-BALANCE EQUATION

In the Brensted—Lowry system, the total number of protons re-
leased by acidic species must equal the total number of protons
consumed by basic species. This results in a very useful rela-
tionship known as the proton-balance equation (PBE), in which
the sum of the concentration terms for species that form by pro-
ton consumption is equated to the sum of the concentration
terms for species that are formed by the release of protons. The
PBE forms the basis of a unified approach to pH calculations,
as it is an exact accounting of all proton transfers occurring in
solution.

When HCI is added to water, for example, it dissociates
yielding one C1  for each proton released. Thus, Cl~ is a species
formed by the release of a proton. In the same solution, and ac-
tually in all aqueous solutions

2H,0 = H,0" + OH"

where H3;O0" is formed by proton consumption and OH™ is
formed by proton release. Thus, the PBE is

[HsO*'] = [OH"] + [C]7] (55)
In general, the PBE can be formed in the following manner:

1. Start with the species added to water.

2. Place all species that can form when protons are released on the
right side of the equation.

3. Place all species that can form when protons are consumed on the
left side of the equation,

4. Multiply the concentration of each species by the number of pho-
tons gained or lost to form that species.

5. Add (H,0 '] the left side of the equation and [OH] to the right
side of the equation. These result from the interaction of two
molecules of water as shown above.
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 HA+HO=HO + A
‘the onization of water gives the following PBE

 [HO'J={OH | +[A"] (61)

i a8 shown previously W give %
o= - . o K “a g
- IHO7) = JOH7) + m'—--—-,‘f - A (62)

Furthermore, if [H;0 "] is
lified further to give

H,0*] = vK.C, (66)
to use the simplest equation to cal-

[H30%1is calculated, it must be
T termine whether the assumption
d. If the assumption is not valid, the

1 be used.
pH of a 5.00 X 10~® M solution of a weak
3 5

H,0%] = VK,C, g
=190 x 105 x 500 x 10°°
=308 % 10°M
As C, [(5.00 X 10~ M )} is not much greater than [H,0 "], the quadratic

=190 % 10-* + (1.90 x 10-%)% + 4(5.00 x 10-%)
' 2

[H;0* =
=7.06x 10-7
pH =~ log (706 x 10-9 = 2.15

Note that the assumption [H,0°] >> [OH | is valid. The hydronium-
lon concentration calculated from Equation 66 has a relative error of
mlm when compared to the correct value obtained from Equa-

When a salt obtained from a strong acid and a weak base—such as
ammonium chloride, morphine sulfate, or pilocarpine hydrochloride—is
dissolved in water, it dissociates as

H.0
BH*X- — BH* + X~
in W:bu:h BH" is the protonated form of the base I3, and X~ is
theaman of @ strong acid. Because X~ is the anion of a strong
acid, it is Loo weak a base to undergo any further reaction with
;318!'-'.“18 protonated base, however, can act as a weak acid to
ve
BH' + H,0 =B + H,0"

Thus, Equations 65 and 66 are valid, with C, being equal to the
concentration qfthe_qait_ in solution, If K, for the protonated
base ;38,?::0 B}:hb!g, it can be obtained by dividing K, for the

Example—Caleulate the pH of a 0.026 M solution of ammonium
.W.Ammmu&formmma 18 1.74 X 10 ® and K, 15 1.00 %

* The general solution 1o a guadratic equation of the form

WX f om0 s x= DTV dac

2a

b 'QH-_— - ="
Cipla v. Gilead
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Weak Bases i 15

When a weak base, B, is dissolved in water it ionizes to give the

conjugate acid as 3 pabslic
B + HO =BH' + OH™

The PBE for this system is

[BH'] + [H30"] = [OH"] (67)

Substituting [BH "] as a function of hydronium-ion concentra-
tion and simplifying, in the same manner as shown for a weak
acid, gives

(Cy = [OH"] + [H;0*])
OH"] = K,
[OH) =5 = om0 D o8

If[OH"] [H30*], as is true generally, then
[OH 1 = K,[OH"] — K,C, = 0 (69)

which is a quadratic with the following solution:

- K, + VK2 + 4K, C, (70)

[OH"] = 5
IfCy >> [OH ], the quadratic equation simplifies to
[OH"] = yK,C, (71)

Once [OH "] is calculated, it can be converted to pOH, which can
be subtracted from pK,, to give pH.

Example—Calculate the pH of a 4.50 X 102 M solution of a weak
base having K, = 2.00 % 10~ *. Assume that K, = 1.00 X 1014,

[OH"] = VK, G,

= y2.00 x 107% x 4.50 x 102
=y9.00 x 10°5=300x 102M
Both assumptions are valid.

pOH = —log 3.00 X 10 * = 2.52

pH = 14.00 - 2.52 = 11.48

Whgn salts obtained from strong bases and weak acids (eg,
Bl?dmm acetate, sodium sulfathiazole, or sodium benzoate) are
dissolved in water, they dissociate as

Nat A- 1O Nt 4 -
in \:rhich A" is the conjugate base of the weak acid, HA. The
Na undergoes no further reaction with water, The A~, how-
Ever, acts as a weak base to give

A + H,O=HA + OH"

Thus, Equations 70 and 71 are valid, with C, being equal to the
toncentration of the salt i solution. The value for K} can be ob-
tained by dividing K, for the conjugate acid, HA, into K.
*ample—Calculate the pH of a 0.05 M solution of sodium acetate. As-
Sume that K., for acetic acid = 1.76 X 1079 and K,, = 1.00 X 10 *.

Cipla v. Gilead
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The total PBE for the systemis

Substituting both [F;A] and [A%"] as a function of
Equations 52 and 54), yields s
2 [H,0'PC, o B o0

B0+ (o P+ EGO' T+ KiKe
K. KKC, 2

= .01 T TH,0°F + Ki[Hs0°1 + KiKz
This gives a fourth-order equation in [HyO "], which can be sim-
plified using certain judicious assumptions to b5 IR

h=y /% ,
[Hi0*] = K+C (9
L ﬁug ‘
In most instances, C; >> K, and the equation ﬁuthershnp%-
fies to i

[H,07] = VKK, (D)

nuayy

and [H3O*] becomes independent of the concentration of the
salt. A special property of ampholytes is that the concentration
of the species HA™ is maximum at the pH corresponding to
Equation 75. iu
When the simplest amino acid salt, glycine hydrochloride, is
dissolved in water, it acts as a diprotic acid and ionizesas

“NH;CH:COOH + H,0 = *NH,CH.COO~ + HyO* .:;

*NH;CH.COO~ + H,0 = NH,CH,C00™ + HsO®

The form, *NH;CH,COO", is an ampholyte because it also can
act as a weak base: e

*NH,CH,COO ™ + HyO = *NH,CH,COOH + OH~

This type of substance, which carries both a charged acidic and
a charged basic moiety on the same molecule is termed a zwit-
terion. Because the two charges balance each other, the
molecule acts essentially as a neutral molecule. The pH at
which the zwitterion concentration is maximum is known as
the iscelectric point, which can be calculated from Equation 75.

On the acid side of the isoelectric point, amino acids and pro-
teins are cationic and incompatible with anionic materials such
as the naturally occurring gums used as suspending and/or

f :
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ple, the change of pH is
nium or hydroxyl ion
e buffer system to neu-

mes with hydromum ion thal.
jum ion and water; thus,

is an acid, combines with added hy-
 ammonia and water, as

NH," + OH™ - NH;, + H,0

Again, the change of pH is slight if the amount of added hydro-
‘nmwhyﬁmylianh-notm excess of the capacity of the sys-
tem to neutralize
_ Besides these two general types of buffers, a third appears
to exist, This is the buffer system composed of two salts, as
mumphosphate KH,PO;, and dibasic potas-
: wsphate, K;HPO,. This is not, however, a new type of
-hrﬁ'w itis aetuallya weak- amdlcunjugat&base buffer in which
anmn,HaPﬁ. -, serves as the weak acid, and HPO,” is its con-
Jjugate base. When hydroxyl ion is added to this buffer the fol-
lowing reaction takes place:

H2P04 + 0OH" —DHPOqz_ - Hgo
and when hydronium ion is added,
HPOZ~ + Hi0* — H,PO,~ + H.O

Itie apparent that the mechanism of action of this type of buffer
is essentially the same as that of the weak-acid/conjugate-base
buffer composed of acetic acid and sodium acetate.

CALCULATIONS—A buffer system composed of a conju-
gale acid—base pair, NaA-HA (such as sodium acetate and
acetic acid), would have a PBE of

H30'] + [HA] = [OH ] + [A ] (79)

Replacing [HA| and [A-] a5 a function of hydronium-ion con-
centration gives

e [H07 ), .
HO') + be o WCo
H0°) TR r A SR Ry (80)

where C, is the concentration of the salt, NaA, and C, is the

fmmhmeo!‘me weak acid, HA. This equation can be rear.

- [H,0'] + [OH" )
[H,0*
o= (c,,umo 1= (o 1) (81)

I general, both C, and €, are much greater than [H,0'],

wh.wl.: ﬁa::::o turn much greater than [OH | and the equation

, . 'Kuc'.u
kmm o the conjagais 55 ol aa- H,0°) = == (82)
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or, expressed in terms of pH, as
pH = pK, + rog-ccé (83)

This equation generally is called the Henderson-Hasselbalch
equation. It applies to all buffer systems formed from a single
conjugate acid-base pair, regardless of the nature of the salts,
For example, it applies equally well to the following buffer sys-
tems: ammonia—ammonium chloride, monosodium phos-
phate—disodium phosphate, and phenobarbital-sodium pheno-
barbital. In the ammonia—ammonium chloride system,
ammoniais obviously the base and the ammonium ion is the acid
(C, equal to the concentration of the salt). In the phosphate sys-
tem, monosodium phosphate is the acid and disodium phos-
phate is the base. For the phenobarbital buffer system, pheno-
barbital is the acid and the phenobarbital anion is the base (Cp
equal to the concentration of sodium phenobarbital).

As an example of the application of this equation, the pH of
a buffer solution containing acetic acid and sodium acetate,
eachin 0.1 M concentration, may be calculated. The K, of acetic
acid, as defined above, is 1.8 X 1075, at 25°.

Solution:

First, the pK,, of acetic acid is calculated:

pK, = —log K, = —log 1.8 X 107°
= —log 1.8 —log 10°°
=-0.26 - (-5)= +4.74
Substituting this value into Equation 83:

pH = logg'—} +474=+4.74

The Henderson-Hasselbalch equation predicts that any so-
lutions containing the same molar concentration of acetic acid
as of sodium acetate will have the same pH. Thus, a solution of
0.01 M concentration of each will have the same pH, 4.74, as
one of 0.1 M concentration of each component. Actually, there
will be some difference in the pH of the solutions, for the activ-
ity coefficient of the components varies with concentration. For
most practical purposes, however, the approximate values of
PH calculated by the equation are satisfactory. It should be
pointed out that the buffer of higher concentration of each com-
ponent will have a much greater capacity for neutralizing
added acid or base and this point will be discussed further in
the discussion of buffer capacity.

The Henderson-Hassclbalch equation is useful also for cal-
cul_atmg the ratio of molar concentrations of a buffer system re-
quired to produce a solution of specific pH. As an example, sup-
Pose that an acetic acid-sodium acetate buffer of pH 4.5 must be
Prepared. What ratio of the bufTer components should be used?

Solution;

Rearranging Equation 83, which is used to calculate the pH of weak
acid-salt type buffers, gives

: | base)

log ——— = pll - pk,
Blacia) P P

=45 - 176 = -0.24 = (9.76 - 10)
| base]
[acid]

= antilog of (9.76 — 10) = 0.575

sUd"‘l'he interpretation of this result is that the proportion of
e lll-lmlacclute to acetic acid should be 0.575 mol of the former
in 611(;3 of the latter to produce a pH of 4.5. A solution contain-
itﬁ 0575 mol of sodium acetate and 0.1 mol of acetic acid per
0 U(;g;gum meet thl_s requirement, as would alsq one gonts_tinmg
lifer ™ mol of sodium acetate and 0.01 mol of acetic a‘md per
the & e actual concentration selected would depend chiefly on
e desired byffer capacity.
res‘.B:JFFER CAPAC l'l'Y—Tlh.e nbilit_v‘ of a buffer solution to
o st changes in pH upon addition of acid or alkali may be mea-
red In terms of buffer capacity. In the preceding discussion of
Uffers, it has been seen that, in a general way, the concentra-

Cipla v. Gilead

acid of the weak base determines the capacity
base. When the buffer is equimolar in the conce
weak acid and conjugate base, or of weak base and
acid, it has equal buffer capacity toward added
strong base. ¢ wwil § il

Van Slyke, the biochemist, introduced a quantitative
pression for evaluating buffer capacity. This may be defined as
the amount, in gram-equivalents (g-eq) per liter, of strong acid
or strong base required to be added to a solution to change its
pH by 1 unit; a solution has a buffer capacity of 1 when 1 L re-
quires 1 g-eq of strong base or acid to change the pH 1 unit.
practice, considerably smaller increments are measured, ex-
pressed as the ratio of acid or base added to the change of pH
produced.) From this definition it is apparent that the smaller
the pH change in a solution caused by the addition of a speci-
fied quantity of acid or alkali, the greater the buffer capacity of
the solution.

The following examples illustrate certain basic principles
and calculations concerning buffer action and buffer capacity.

Example I—What is the change of pH on adding 0.01 mol of NaO!
to 1 L of 0.10 M acetic acid?
(a) Calculate the pH of a 0.10 molar solution of acetic acid:

[H,0°] = yE,Co = y1.75 x 10~ x 1.0 x 10-' = 4.18 x 10-?
pH= —log4.18 x 10-7 =238

(b) On adding 0.01 mol of NaOH to a liter of this solution, 0.01 mol of
acetic acid is converted to 0.01 mol of sodium acetate,
ing Ca t0 0.09 M, and Cy = 1.0 x 10™* M. Using the Henderson-Hassel-

bach equation gives

0.01
pH = 4.76 + log 009 4.76 — 0.95 = 3.81

The pH change is, therefore, 1.43 unit. The buffer capacity as defined
above is calculated to be
mols of NaOH added
change in pH
Example 2—What is the change of pH on adding 0.1 mol of NaOH to

1L of buffer solution 0.1 M in acetic acid and 0.1 M in sodium acetate?
(a) The pH of the buffer solution before adding NaOH is

= 0011

e b
P = 8 had) Pk,

0.1
= loga +4.76 = 478

(b) On adding 0.01 mol of NaOH per liter to this buffer solution, 0.01 mol
of acetic acid is converted to 0.01 mol of sodium acetate, thereby de-
creasing the concentration of acid to 0.09 M and increasing the concen-
tration of base to 0.11 M. The pH is calculated as

; 0.11 i
pH = ubm + 4.76
=0.087 + 4.76 = 4.85

The change of pH in this case is only 0.09 unit, about 1/10 the change in
the preceding example. The buffer capacity is calculated as

mols of NaOH added _ m e

changeof pH 009
Thus, the buffer capacity of the acetic acid—sodium acetate buffer solu-
tion is approximately 10 times that of the acetic acid solution.

As is in part evident from these examples, and may be further evi-
denced by calculations of pH changes in other systems, the degree of
bufter action and, therefore, the bufter capacity, depend on the kind and
concentration of the buffer components, the pH region involved and the
kind of acid or alkali added.
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and (3) certain acid-base pairs that can

‘The ability to resist change in p id o
possessed also by relatively concentrated solutions of strong
acids and strong bases. I to 1 L of pure water having apHof 7

is added 1 mL of 0.01 M hydrochloric acid, the pH is reduced to
about 5. If the same volume of the acid is added to 1 L of 0.001
M hydrochloric acid, which has a pH of about 3, the hydronium-
ion concentration is increased only about 1% and the pH is re-
duced hardly at all. The nature of this buffer action is quite dif-
explanation is that when 1 mL of 0.01 M HCl, which represents
0.00001 g-eq of hydronium ions, is added to the 0.0000001 g-eq
of hydromum ions in 1 L of pure water, the hydronium-ion con-
centration is increased 100-fold (equivalent 1o two pH units),
but when the same amount is added to the 0.001 g-eq of hydro-
niwm ions in 1 L of 0.001 M HCL the increase is only 1/100 the
concentration already present. Similarly, if 1 mL of 0.01 M
NaOH is added to 1 L of pure water, the pH is increased to0 9,
while if the same volume 1s added to 1 L of 0.001 molar NaOH,
the pH is increased almost immeasurably.

In general, solutions of strong acids of pH 3 or less, and so-
lations of strong bases of pH 11 or more, exhibit this kind of
buffer action by virtue of the relatively high concentration of
hwvdronium or hydroxyl ions present. The USP includes among
its Standard Buffer Solutions a series of hydrochloric acid
buffers, covering the pH range 1.2 to 2.2, which also contain
jpotassium chlonde. The salt does not participate in the buffer-
ing mechanism. as is the case with salts of weak acids; instead,
it serves as a nonreactive constituent required to maintain the
proper electrolyte environment of the solutions.

DETERMINATION OF pH
Colorimetry

A relatively simple and inexpensive method for determining
the approximate pH of a solution depends on the fact that some
conjugate acid-base pairs (indicators) possess one color in the
acid form and another color in the base form. Assume that the
scid form of a particular indicator is red, and the base form is
yellow. The calor of a solution of this indicator will range from
red when it is sufficiently acid, to yellow when it is sufficiently
alkaline.

In the intermediate pH range (the transition interval) the
color will be & blend of red and yellow depending upen the ratio
of the base o the acid form. In general, although there are
slight differences between indicators, color changes apparent to
the eye canniot be discerned when the ratio of base to acid form,
or acid 1o base form exceeds 10:1, The use of Equation 83 indi-
cates that the transition range of most indicators 1s equal to the
pK, of the indicator = 1 pH unit, or a useful range of approxi-
mately two pH units, Standard indicator solutions can be made
at known pH values within the transition range of the indica-
tor, and the pH of an unknown solution can be determined by
adding the indicator w it and comparing the resulting color
with the standard solutions.

Another methed for using these indicators i8 Lo apply them
to thin strips of filter paper. A drop of the unknown sulution is
placed op 8 piece of the indicalor pap«:r‘und the resulting color
ie compared Lo a color chart ﬁupp[md with the indicator paper,
These papers are available in a wide variety of pH ranges,

Potentiometry

Electrometric methods for the determination of pH are based
on the fact that the difference of electrical putential between

e

Cipla v. Gilead

mmmmibmmmmd

IPR2025-00033

o suitable electrodes dipping into a solution containing 1,
M‘m P de’peﬂds on the conogntrgtlon (or activity) of uf
latter. The &evelnpmenfﬁ a pof.entl?l d1ﬂ'erenge isnota Speciﬁe
property of hydr jum ions. A solution of any ion will develq :

sotential proportional to the concentration of that ion if 5 gy
poten s : : Buit-
able pair of electrodes is placed in the solution.

The relationship between the potential difference and cop
centration of an ion in equilibrium with the electrodes may b;
derived as follows. When a metal is immersed into a solution of
one of its salts, there is a tendency for the metal to go into go.
lution in the form of ions, This tendency is known as the sofy-
tion pressure of the metal and is comparable to the tendency of

molecules (eg, to dissolve in water). The metallic ions in
solution tend, on the other hand, to become discharged by form-
ing atoms, this effect being proportional to the osmotic pressure
of the ions.

For an atom of a metal to go into solution as a positive ion,
electrons, equal in number to the charge on the ion, must be left
behind on the metal electrode with the result that the latter be-
comes negatively charged. The positively charged ions in solu-
tion, however, may become discharged as atoms by taking up
electrons from the metal electrode. Depending on which effect
predominates, the electrical charge on the electrode will be ei-
ther positive or negative and may be expressed quantitatively
by the following equation proposed by Nernst in 1889:

RT p
Sl 4)
E=SFp [8

where E is the potential difference or electromotive force, Ris
the gas constant (8,316 joules), T is the absolute temperature,
n is the valence of the ion, F'is the Faraday of electricity ( 96,500
coulombs), p is the osmotic pressure of the ions, and P is the so-
lution pressure of the metal. :

Inasmuch as it is impossible to measure the pote ntial differ-
ence between one electrode and a solution with any degree ¢
certainty, it is customary to use two electrodes and to measure
the potential difference between them. If two electrodes, bf:‘“} of
the same metal, are immersed in separate solulions containing
ions of that metal—at osmotic pressure p; and pz I
uve]}f—and are connected by means of a tube contal ning 8 “3“:
reacting salt solution (a so-called salt bridge), the potential ¢
veloped across the two electrodes will be equal to the differente

pEC'

b}ftween the potential differences of the individual electrodes;
thus,
RT p, RT p (85)
B=E —-F,=—in—=—In—
] 3 rrFl“ Py, nF iR
As both electrodes are of the same metal, P; = Pz © nd the €39
tion may be simplified to
kT RT RT 1 (86)
E=—np - — =—In—
nF P “}.ll);J_, “[_,lnp
it B0
1 In rl:Iace of osmotic pressures it is permissible, 107 dl];"'::,‘.nr
!‘:::;:3: to El.;lbsutur.e the eoncentrations ¢, and 2 ':‘?) The
) Bee apler 161. to be pr ional to 1 and pz2
equation then becomes preportional 10/
i RT ¢ ‘{1’11
P, ,
If either ¢ i i , : , of the
€1 0r ¢ is known, it is obvious that the v ’]'Ilu‘lt,l.n can

other may be foy
be measured.
For the
pH, an elec
and hydror
metallie el
Lrolytical]

nd if the potential difference, £, of 11

: fils
qre z : . "l“”n g
l'dt‘:li.(rmmatmn of hydronium-ion L-(”I“‘”;].i",{l.'l‘ 8
rode at which an equilibrium between nY¢ FoB e ©!

ium ion . ) is
]uch:m :;m can be established must be usc L I:\;’ oles
rodes, Such an electrode may be MACe Fhald!

3

atj stri g : e .
with p]uuy Coaling a strip of platinum, or other nob!! ; I“-dr“
Ken gas ?l';llnul I(;]a"'.k and saturating the latter with P “rwe

= ”, P - 3t W .
such elect evice functions as a hydrogen elect! 7.3

rode Bl
des may be assembled as shown in Figu™
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Figure 17-3. Hydrogen-ion concentration chain.

In this diagram one electrode dips into Solution A, contain-
ing a known hydronium-ion concentration, and the other elec-
trode dips into Solution B, containing an unknown hydronium-
ion concentration. The two electrodes and solutions, sometimes
called half-cells, then are connected by a bridge of neutral salt
solution, which has no significant effect on the solutions it con-
nects. The potential difference across the two electrodes is mea-
sured by means of a potentiometer, P. If the concentration, ¢y,
of hydronium ion in Solution A is 1 N, Equation 87 simplifies to

BT i)

or in terms of Briggsian logarithms
e L S
= 2.303 oF logm;} (89)

If for log,, 1/c

I 2 there is substituted its equivalent pH, the equa-
tion becomes o 3 a1

E = 2.303 i 90)
v = 2.308 anH (

and finally by substituting numerical values for R, n, T, and F,

an i .
re]d gssurqmg the temperature to be 20°, the following simple
ationship is deriyed:

E

E = 0.0581 A
pH or pH 0.0581

(91)
hy(;l;-};ih}gﬂ:ggen ‘_‘l“‘“'“lll' dipping into a solution of known
May b "eplacr-le f‘;“f" x\u-‘.m..\n, called the reference e[ectlrod?.
Shown ip, Figur:- 12 i‘ calomel electrode, one type of which is
Mercury anq Sl /-4. The elements of a calo_mel electrode are
thloride, e b omel in an agueous solution of potassium
Qf the h)'dmn'] 0 m}lml of this electrode is constant, regardlgss
It dipg, 7 a Um-ion concentration of the solution into bthlCh
Up between n‘,’g‘.‘fm.”" depends on the equilibrium that is set

e concenlrm.““’ Yy and mercurous ions from the calomel, but
-solubill‘ty.mu ll“-" of _1he latter is governed, according to t_he
00, which m(' :'Lll principle, by the concentration of chloride
® Solution ’fh( L"llf'e(l mainly imn} the pot_nssium chlondelm
With e . erefore, the potential of this electrode varies
E]‘*L'll‘ulyte toncentration of potassium chloride in the

Bec
Ause y e
’ the Ullull'l(l[ electrode 2]1\\'&}’3 indicates \.Ohages

are highar R
Whep ”m]:lhl.‘“- by a constant value, than those obtained
17.3 is llse(inmn-] hydrogen electrode chain shown in Figure

* Calomg] 0llvtlh nNecessary to subtract the potential due to
A8Nity g of ':h!l.“l“ itself from the observed voltage. As the
: Assium chl .-IE’ Y"'lllgl‘ depends on the concentration pf
u"“h'tiury t k‘)ll(lu i the calomel-electrode electrolyte, it is
Purpog a ¢ know the concentration of the former. For most

Saturated potassium chloride solution is used that

m

P e et L A I T Y A
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CHAPTER 17: IONIC SOLUTIONS AND ELECTROLYTE E(

produces potential difference of 0.2488 V. Accordingly,
using Equation 86 for the calculation of pH from the voltage
of a cell made up of a calomel and a hydr  electrode dip-
ping into the solution to be tested, 0.2488 V must be sub-
tracted from the observed potential difference. Expressed
mathematically, Equation 92 is used for calculating pH from
the potential difference of such a cell.

o E 02188
P = 00581

In measuring the potential difference between the elec-
trodes, it is imperative that very little current be drawn from
the cell, for with current flowing the voltage changes, owing to
polarization effects at the electrode. Because of this it is not
possible to make accurate measurements with a voltmeter that
requires appreciable current to operate it. In its place a poten-
tiometer is used that does not draw a current from the cell be-
ing measured.

There are many limitations to the use of the hydrogen
electrode:

* It cannot be used in solutions containing strong oxidants such as
ferric iron, dichromates, nitric acid, peroxide, or chlorine ar reduc-
tants such as sulfurous acid and hydrogen sulfide.

* It is affected by the presence of organic compounds that are re-
duced fairly easily.

¢ It cannot be used successfully in solutions containing cations that
fall below hydrogen in the electrochemical series.

* Erratic results are obtained in the measurement of unbuffered so-
lutions unless special precautions are taken.

* Itis troublesome to prepare and maintain.

(92)

As other electrodes more convenient to use now are available,
the hydrogen electrode today is used rarely. Nevertheless, it is
the ultimate standard for pH measurements.

To avoid some of the difficulties with the hydrogen electrode,
the quinhydrone electrode was introduced and was popular for
a long time, particularly for measurements of acid solutions.
The unusual feature of this electrode is that it consists of a
piece of gold or platinum wire or foil dipping into the solution to
be tested, in which has been dissolved a small quantity of quin-
hydrone. A calomel electrode may be used for reference, just as
in determinations with the hydrogen electrode.

KC 1 SOLUTION

Figure 17-4. Calomel electrode.

e D T T e
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