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pKa (acidità e basicità)

-  Capacità di ipotizzare la presenza di gruppi deprotonabili in ambiente acquoso 
-  Applicazione in Chimica Farmaceutica: concetto di drugability 
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Some examples:

Melting point (mp),
Boiling point (bp)
Solubility                
logP, 
pKa, 
Density
Viscosity
Chromatografic retention time (Rf)
IR Vibration frequency, 
NMR chemical shift, ………   
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The chemio-physical constant 

Sempre qui dobbiamo stare!!!
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Solvation
is an interaction of a solute with the solvent, which leads to stabilization of the 
solute species in the solution. 
The solvated state is the stable state were an ion/molecule in a solution is 
surrounded or complexed by solvent molecules (solvation shell).

Solubility - definition#1: 

Solubility is a phenomena strictly correlate to the intramolecular forces 
inside this equilibrium:

Pure substance + Solvent-Solvent↔ Substance-Solvent
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Solvation
is an interaction of a solute with the solvent, which leads to stabilization of the 
solute species in the solution. 
The solvated state is the stable state were an ion/molecule in a solution is 
surrounded or complexed by solvent molecules (solvation shell).

Solubility - definition#2: 

When charged functional groups are present in the structure, the water 
solubility is strictly correlate to the pKa the functional groups and the 
pH the water solvent.

+ -
H HA A+

H HB B+
+

+
pKa = -log Ka
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Dissociation constant (pKa)

Section 1.17 Organic Acids and Bases; and pH 41pKa

Whether a reversible reaction favors reactants or products at equilibrium is indicat-
ed by the equilibrium constant of the reaction, Remember that brackets are used
to indicate concentration in moles/liter [i.e., molarity (M)].

The degree to which an acid (HA) dissociates is normally determined in a dilute so-
lution, so the concentration of water remains nearly constant. The equilibrium expres-
sion, therefore, can be rewritten using a new constant called the acid dissociation
constant,

The acid dissociation constant is the equilibrium constant multiplied by the molar
concentration of water (55.5 M).

The larger the acid dissociation constant, the stronger is the acid—that is, the
greater is its tendency to give up a proton. Hydrogen chloride, with an acid dissocia-
tion constant of is a stronger acid than acetic acid, with an acid dissociation con-
stant of only For convenience, the strength of an acid is generally
indicated by its value rather than its value, where

The of hydrogen chloride is and the of acetic acid, a much weaker acid, is
4.76. Notice that the smaller the the stronger is the acid.

very strong acids

moderately strong acids

weak acids

extremely weak acids

Unless otherwise stated, the values given in this text indicate the strength of the
acid in water. Later (in Section 10.10), you will see how the of an acid is affected
when the solvent is changed.

The pH of a solution indicates the concentration of positively charged hydrogen ions
in the solution. The concentration can be indicated as or, because a hydrogen ion
in water is solvated, as The lower the pH, the more acidic is the solution.

Acidic solutions have pH values less than 7; basic solutions have pH values greater
than 7. The pH values of some commonly encountered solutions are shown in the mar-
gin. The pH of a solution can be changed simply by adding acid or base to the solution.

pH = -log [H3 O+ ]

[H3 O+].
[H+]

pKa

pKa

pKa 7 15

pKa = 5–15

pKa = 1–5

pKa 6 1

pKa ,
pKa-7pKa

pKa = -log Ka

KapKa

1.74 * 10-5.
107,

Ka =
[H3 O+ ][A-]

[HA]
= Keq[H2 O]

Ka.

Keq =
[H3 O+ ][A-]
[H2 O][HA]

HA + H2 O ÷ H3 O+ + A-

Keq .

HCl +
hydrogen
chloride

H2 O + Cl−H3 O+

+H3 O+

acetic acid

H2 O
O −+

CH3

C
OH

O

CH3

C

O

The stronger the acid, the smaller is its
pKa  .

NaOH, 0.1M
Household bleach
Household ammonia

Borax

Tomatoes
Wine

Coffee

Solution pH

Cola, vinegar

Lemon juice

Gastric juice

Baking soda
Egg white, seawater
Human blood, tears
Milk

14

13

12

11

10

9

8

7

6

5

4

3

2

1

0

Milk of magnesia

Saliva
Rain
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Section 1.17 Organic Acids and Bases; and pH 41pKa

Whether a reversible reaction favors reactants or products at equilibrium is indicat-
ed by the equilibrium constant of the reaction, Remember that brackets are used
to indicate concentration in moles/liter [i.e., molarity (M)].

The degree to which an acid (HA) dissociates is normally determined in a dilute so-
lution, so the concentration of water remains nearly constant. The equilibrium expres-
sion, therefore, can be rewritten using a new constant called the acid dissociation
constant,

The acid dissociation constant is the equilibrium constant multiplied by the molar
concentration of water (55.5 M).

The larger the acid dissociation constant, the stronger is the acid—that is, the
greater is its tendency to give up a proton. Hydrogen chloride, with an acid dissocia-
tion constant of is a stronger acid than acetic acid, with an acid dissociation con-
stant of only For convenience, the strength of an acid is generally
indicated by its value rather than its value, where

The of hydrogen chloride is and the of acetic acid, a much weaker acid, is
4.76. Notice that the smaller the the stronger is the acid.

very strong acids

moderately strong acids

weak acids

extremely weak acids

Unless otherwise stated, the values given in this text indicate the strength of the
acid in water. Later (in Section 10.10), you will see how the of an acid is affected
when the solvent is changed.

The pH of a solution indicates the concentration of positively charged hydrogen ions
in the solution. The concentration can be indicated as or, because a hydrogen ion
in water is solvated, as The lower the pH, the more acidic is the solution.

Acidic solutions have pH values less than 7; basic solutions have pH values greater
than 7. The pH values of some commonly encountered solutions are shown in the mar-
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The dissociation constant (pKa) chemiophysical 
constant influenced by few structural:

* Inductive effects (+ I/- I)�
* Mesomeric effects (+ M/- M)�
* Steric effects �

and environmental factors: 

* Solvent
* Temperature

�
�

Dissociation constant (pKa)



Marco L. Lolli                 University of Torino (UniTO)

Section 1.18 The Effect of Structure on 47pKa

Thus, as the halide ion increases in size, its stability increases because its negative
charge is spread over a larger volume of space—its electron density decreases. There-
fore, HI is the strongest acid of the hydrogen halides because is the most stable
halide ion, even though iodine is the least electronegative of the halogens (Table 1.9).
The potential maps illustrate the large difference in size of the halide ions:

In summary, as we move across a row of the periodic table, the orbitals have ap-
proximately the same volume, so it is the electronegativity of the element that deter-
mines the stability of the base and, therefore, the acidity of a proton bonded to that
base. As we move down a column of the periodic table, the volume of the orbitals in-
creases. The increase in volume causes the electron density of the orbital to decrease.
The electron density of the orbital is more important than electronegativity in deter-
mining the stability of the base and, therefore, the acidity of its conjugate acid. That is,
the lower the electron density, the more stable is the conjugate base and the stronger is
its conjugate acid.

Although the acidic proton of each of the following five carboxylic acids is attached
to an oxygen atom, the five compounds have different acidities:

This difference indicates that there must be a factor—other than the nature of the atom
to which the hydrogen is bonded—that affects acidity.

From the values of the five carboxylic acids, we see that replacing one of the
hydrogen atoms of the group with a halogen atom affects the acidity of the com-
pound. (Chemists call this substitution, and the new atom is called a substituent.) All
the halogens are more electronegative than hydrogen (Table 1.3). An electronegative
halogen atom pulls the bonding electrons towards itself. Pulling electrons through
sigma bonds is called inductive electron withdrawal. If we look at the conjugate
base of a carboxylic acid, we see that inductive electron withdrawal will stabilize it by
decreasing the electron density about the oxygen atom. Stabilizing a base increases the
acidity of its conjugate acid.

As the values of the five carboxylic acids show, inductive electron withdrawal in-
creases the acidity of a compound. The greater the electron-withdrawing ability (elec-
tronegativity) of the halogen substituent, the more the acidity is increased because the
more its conjugate base is stabilized.

pKa

C O–

OH

H

CBr

inductive electron withdrawal

1s2

CH3

pKa

HF HCl HBr HI

I-

pKa = 4.76 pKa = 3.15 pKa = 2.86 pKa = 2.81 pKa = 2.66
ICH2 BrCH2 ClCH2 FCH2

C
OH

O

C
OH

O

C
OH

O

C
OH

O

CH3

C
OH

O
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48 C H A P T E R  1 Electronic Structure and Bonding • Acids and Bases

The effect of a substituent on the acidity of a compound decreases as the distance
between the substituent and the oxygen atom increases.

PROBLEM-SOLVING STRATEGY

a. Which is a stronger acid?

When you are asked to compare two items, pay attention to how they differ; ignore
where they are the same. These two compounds differ only in the halogen atom that is
attached to the middle carbon of the molecule. Because fluorine is more electronegative
than bromine, there is greater electron withdrawal from the oxygen atom in the fluori-
nated compound. The fluorinated compound, therefore, will have the more stable con-
jugate base, so it will be the stronger acid.

b. Which is a stronger acid?

These two compounds differ in the location of one of the chlorine atoms. Because the
chlorine in the compound on the left is closer to the bond than is the chlorine in
the compound on the right, the chlorine is more effective at withdrawing electrons from
the oxygen atom. Thus, the compound on the left will have the more stable conjugate
base, so it will be the stronger acid.

Now continue on to Problem 34.

PROBLEM 34◆

For each of the following compounds, indicate which is the stronger acid:

a. or

b.

c. or

d.

PROBLEM 35◆

List the following compounds in order of decreasing acidity:

CH3CH2 CH2 OHCH3CHCH2 OH

F

CH3CHCH2 OH

Cl

CH2 CH2 CH2 OH

Cl

CH3CCH2 OH CH3CH2 COHor

OO

CH3CH2 OCH2 CH2 OHCH3OCH2 CH2 CH2 OH

CH3CH2 CH2 NH3 CH3CH2 CH2 OH2or
++

CH3CH2 CH2 CH2 OHCH3OCH2 CH2 OH

O¬H

CH2 CHCH2 OHor

Cl

Cl

CH3CCH2 OH

Cl

Cl

CH3CHCH2 OH

F

CH3CHCH2 OHor

Br

CH3CH2 CH2

pKa = 2.97
Br

CH3CH2 CH

pKa = 4.01
Br

CH3CHCH2

pKa = 4.59
Br

CH2 CH2 CH2

pKa = 4.71
Br

CH CH2 CH2 CH2

C
OH

O

C
OH

O

C
OH

O

C
OH

O
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pKa
acidity

Electron withdrawal in these molecules is the result of σ bond polarization from an inductive
effect (Chapter 5). The electrons in a σ bond between carbon and a more electronegative element
such as N, O, or F will be unevenly distributed with a greater electron density towards the more elec-
tronegative atom. This polarization is passed on more and more weakly throughout the carbon
skeleton. The three fluorine atoms in CF3H reduce the pKa to 26 from the 48 of methane, while the
nine fluorines in (CF3)3CH reduce the pKa still further to 10.

Such inductive effects become less significant as the electron-withdrawing group gets further away
from the negative charge as is shown by the pKas for these chlorobutanoic acids: 2-chloro acid is signif-
icantly stronger than butanoic acid but by the time the chlorine atom is on C4, there is almost no effect.

Hybridization can also affect the pKa
The hybridization of the orbital from which the proton is removed also affects the pKa. Since s
orbitals are held closer to the nucleus than are p orbitals, the electrons in them are lower in energy,
that is, more stable. Consequently, the more s character an orbital has, the more tightly held are the

electrons in it. This means that electrons in an sp
orbital (50% s character) are lower in energy than
those in an sp2 orbital (33% s character), which are, in
turn, lower in energy than those in an sp3 orbital (25%
s character). Hence the anions derived from ethane,
ethene, and ethyne increase in stability in this order
and this is reflected in their pKas. Cyanide ion, –CN,
with an electronegative element as well as an sp
hybridized anion, is even more stable and HCN has a
pKa of about 10.

Highly conjugated carbon acids
If we can delocalize the negative
charge of a conjugate anion on to
oxygen, the anion is more stable and
consequently the acid is stronger.
Even delocalization on to carbon
alone is good if there is enough of it,
which is why some highly delocal-
ized hydrocarbons have remarkably
low pKas for hydrocarbons. Look at
this series .

194 8 . Acidity, basicity, and pKa

OH

O

OH

O

OH

O

OH

O

Cl

Cl

Cl

13
24

pKa 4.8 pKa 4.1pKa 2.8 pKa 4.5

H

H H
H

H
H H

H

H

H
H H

H H
H

H
H H

H H
H

HC C

pKa ca. 50 pKa ca. 44 pKa ca. 26

lone pair of CH3CH2 

 in sp3 orbital

lone pair of CH2=CH

 in sp2 orbital
lone pair of 
 in sp orbital

More remote hybridization is
also important
The more s character an orbital has, the more
it holds on to the electrons in it. This makes
an sp hybridized carbon less electron-
donating than an sp2 one, which in turn is
less electron-donating than an sp3 carbon.
This is reflected in the pKas of the compounds
shown here.

OH

OH

O

OH

O O

OH
O

OH

OHOHOH

pKa 13.5

pKa 4.9 pKa 4.2 pKa 4.2

pKa 15.5pKa 16.1 pKa 15.4

pKa 1.9

H
H

pKa ca. 33

H

HH
H

pKa ca. 48

HH
H

pKa ca. 40

H

pKa ca. 32

!
Study carefully the pKas for the
haloform series, CHX3—they may
not do what you think they should!
Chloroform is much more acidic
than fluoroform even though
fluorine is more electronegative
(likewise with bromoform and
chloroform). The anion CF3

– must
be slightly destabilized because of
some backdonation of electrons.
The anion from chloroform and
bromoform may also be stabilized
by some interaction with the d
orbitals (there aren’t any on
fluorine). The conjugate base
anion of bromoform is relatively
stable—you will meet this again in
the bromoform/iodoform reaction
(Chapter 21).

Inductive effect
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It isn’t necessary for a group to be conjugated in order to spread the negative charge: any group
that withdraws electrons will help to stabilize the conjugate base and therefore increase the strength
of the acid. Some examples are shown below for both oxygen and carbon acids.

The definition of pKa 193

Table 8.2 The conjugate bases and pKas of some carbon acids

Acid Conjugate base pKa Comments

~50 charge is localized on one carbon—difficult since carbon is
not very electronegative

~43 charge is delocalized over π system—better but still not really
good

13.5 charge is delocalized over π system but is mainly on the
electronegative oxygen—much better

5 charge delocalized over π system but mainly over two
oxygens—better still

~48 charge is localized on one carbon—again very unsatisfactory

10 charge is delocalized but mainly on oxygens of nitro group

4 charge can be delocalized over two nitro groups—more stable
anion

0 charge can be delocalized over three nitro groups—very
stable anion

CH3
H

HH

H H

H

H H

H

H

H

H

O
H

HH

H H

O O

HH

C N
O

O

H
H

H

NO2
O2N

H
H

NO2
O2N

O2N
H

C
H

H

H
H

CH3 CH2

H H

CH2 CH2

H

O CH2

H

H H

O O
(–) (–)

H2C N
O

O

NO2
O2N

H

NO2
O2N

O2N

C
H

H

H

OH

O

OH

O

O2N
OH

O

Me3N
OH

O

NC
OH

OO

pKa 4.76 pKa 1.7 pKa 1.8 pKa 2.4 pKa 3.6

electron-withdrawing groups lowering the pKa of carboxylic acids

!
• Notice how very electron-

withdrawing the nitro group is—
it lowers the pKa of acetic acid
even more than a quaternary
ammonium salt!

•Notice also that the fourth
alcohol with three CF3 groups is
almost as acidic as acetic acid.

Picric acid is a very acidic phenol

F3C H

HF3C

pKa  ca. 22
F3C H

CF3F3C

pKa ca. 10
fluoroform

electron-withdrawing groups lowering
the pKas of carbon acids

pKa 26

HF3C

NO2

NO2

O2N

OH

picric acid

NO2

NO2

O2N

CH3

trinitrotoluene, TNT

OH F3C OH
F3C OH F3C OH

CF3 CF3F3C
H3C

pKa 15.5 pKa 12.4 pKa 9.3 pKa 5.4

electron-withdrawing groups lowering the pKa of alcohols

Electron-withdrawing effects on aromatic rings
will be covered in more detail in Chapter 22 but
for the time being note that electron-withdrawing
groups can considerably lower the pKas of
substituted phenols and carboxylic acids, as
illustrated by picric acid.

2, 4, 6-Trinitrophenol’s more common name,
picric acid, reflects the strong acidity of this
compound (pKa 0.7 compared to phenol’s 10.0).
Picric acid used to be used in the dyeing industry
but is little used now because it is also a powerful
explosive (compare its structure with that of TNT!).

Section 1.18 The Effect of Structure on 47pKa

Thus, as the halide ion increases in size, its stability increases because its negative
charge is spread over a larger volume of space—its electron density decreases. There-
fore, HI is the strongest acid of the hydrogen halides because is the most stable
halide ion, even though iodine is the least electronegative of the halogens (Table 1.9).
The potential maps illustrate the large difference in size of the halide ions:

In summary, as we move across a row of the periodic table, the orbitals have ap-
proximately the same volume, so it is the electronegativity of the element that deter-
mines the stability of the base and, therefore, the acidity of a proton bonded to that
base. As we move down a column of the periodic table, the volume of the orbitals in-
creases. The increase in volume causes the electron density of the orbital to decrease.
The electron density of the orbital is more important than electronegativity in deter-
mining the stability of the base and, therefore, the acidity of its conjugate acid. That is,
the lower the electron density, the more stable is the conjugate base and the stronger is
its conjugate acid.

Although the acidic proton of each of the following five carboxylic acids is attached
to an oxygen atom, the five compounds have different acidities:

This difference indicates that there must be a factor—other than the nature of the atom
to which the hydrogen is bonded—that affects acidity.

From the values of the five carboxylic acids, we see that replacing one of the
hydrogen atoms of the group with a halogen atom affects the acidity of the com-
pound. (Chemists call this substitution, and the new atom is called a substituent.) All
the halogens are more electronegative than hydrogen (Table 1.3). An electronegative
halogen atom pulls the bonding electrons towards itself. Pulling electrons through
sigma bonds is called inductive electron withdrawal. If we look at the conjugate
base of a carboxylic acid, we see that inductive electron withdrawal will stabilize it by
decreasing the electron density about the oxygen atom. Stabilizing a base increases the
acidity of its conjugate acid.

As the values of the five carboxylic acids show, inductive electron withdrawal in-
creases the acidity of a compound. The greater the electron-withdrawing ability (elec-
tronegativity) of the halogen substituent, the more the acidity is increased because the
more its conjugate base is stabilized.

pKa

C O–

OH

H

CBr

inductive electron withdrawal

1s2

CH3

pKa

HF HCl HBr HI

I-

pKa = 4.76 pKa = 3.15 pKa = 2.86 pKa = 2.81 pKa = 2.66
ICH2 BrCH2 ClCH2 FCH2

C
OH

O

C
OH

O

C
OH

O

C
OH

O

CH3

C
OH

O
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pKa
acidity

Inductive effect
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Section 6.9 Acidity of a Hydrogen Bonded to an sp Hybridized Carbon 251

sp Hybridized carbons are more elec-
tronegative than hybridized car-
bons, which are more electronegative
than hybridized carbons.sp3

sp2
than an hybridized carbon, which is just slightly more electronegative than a hy-
drogen. (Chapter 1, Problem 40d, e, and f.)

Why does the type of hybridization affect the electronegativity of the carbon atom?
Electronegativity is a measure of the ability of an atom to pull the bonding electrons
toward itself. Thus, the most electronegative carbon atom will be the one with its
bonding electrons closest to the nucleus. The average distance of a 2s electron from
the nucleus is less than the average distance of a 2p electron from the nucleus. There-
fore, the electrons in an sp hybrid orbital (50% s character) are closer, on average, to
the nucleus than those in an hybrid orbital (33.3% s character). In turn, elec-
trons are closer to the nucleus than electrons (25% s character). The sp hybridized
carbon, therefore, is the most electronegative.

In Section 1.18 we saw that the acidity of a hydrogen attached to some second-row el-
ements depends on the electronegativity of the atom to which the hydrogen is attached.
The greater the electronegativity of the atom, the greater the acidity of the hydrogen—
the stronger the acid. (Don’t forget, the stronger the acid, the lower its )

Because the electronegativity of carbon atoms follows the order 
ethyne is a stronger acid than ethene, and ethene is a stronger acid than ethane.

We can compare the acidities of these compounds with the acidities of hydrogens
attached to other second-row elements.

The corresponding conjugate bases of these compounds have the following relative
base strengths because the stronger the acid, the weaker is its conjugate base.

In order to remove a proton from an acid (in a reaction that strongly favors prod-
ucts), the base that removes the proton must be stronger than the base that is generated
as a result of proton removal (Section 1.17). In other words, you must start with a
stronger base than the base that will be formed. The amide ion can remove a(-NH2)

HC CH

pKa = 25 pKa = 44 pKa = 50

H2C CH2 CH3CH3
ethyne ethene ethane

sp 7 sp2 7 sp3,

pKa.

sp3
sp2sp2

relative electronegativities of carbon atoms

sp sp2 sp3> > least
electronegative

most
electronegative

sp3

relative electronegativities N O F< <

relative acid strengths NH3
pKa = 36 pKa = 15.7 pKa = 3.2

H2O HF< <

most electronegative

strongest acid

relative acid strengths

< < < HC CH
pKa = 25pKa = 44pKa = 50

H2C CH2
pKa = 36

NH3 <
pKa = 15.7

H2O <
pKa = 3.2

HFCH3CH3
strongest
acid

weakest
acid

relative base strengths

> > > HC C−H2C CH− H2N− > HO− > F −CH3CH2
− weakest

base
strongest
base

The stronger the acid, the weaker its
conjugate base.
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284 C H A P T E R  7 Electron Delocalization and Resonance • More About Molecular Orbital Theory

Tutorial:
Acidity and electron
delocalization

in which an OH group is bonded to an carbon. The same factors responsible for the
greater acidity of a carboxylic acid compared with an alcohol cause phenol to be more
acidic than an alcohol such as cyclohexanol—stablization of phenol’s conjugate base
by electron withdrawal and by increased resonance energy.

The OH group of phenol is attached to an carbon that is more electonegative
than the carbon to which the OH group of cyclohexanol is attached
(Section 6.9). Greater inductive electron withdrawal by the carbon stabilizes the
conjugate base by decreasing the electron density of its negatively charged oxygen.
While both phenol and the phenolate ion have delocalized electrons, the resonance
energy of the phenolate ion is greater than that of phenol because three of phenol’s
resonance contributors have separated charges. The loss of a proton from phenol,
therefore, is accompanied by an increase in resonance energy. In contrast, neither
cyclohexanol nor its conjugate base has delocalized electrons, so loss of a proton is
not accompanied by an increase in resonance energy.

Electron withdrawal from the oxygen in the phenolate ion is not as great as in the
carboxylate ion. In addition, the increased resonance energy resulting from loss of a
proton is not as great in a phenolate ion as in a carboxylate ion, where the negative
charge is shared equally by two oxygens. Phenol, therefore, is a weaker acid than a
carboxylic acid.

Again, the same two factors can be invoked to account for why protonated aniline is
a stronger acid than protonated cyclohexylamine.

First, the nitrogen atom of aniline is attached to an carbon, whereas the nitro-
gen atom of cyclohexylamine is attached to a less electronegative carbon.
Second, the nitrogen atom of protonated aniline lacks a lone pair that can be delo-
calized. When it loses a proton, however, the lone pair that formerly held the proton
can be delocalized. Loss of a proton, therefore, is accompanied by an increase in res-
onance energy.
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Table 1.9 The Values of Some Simple AcidspKa

HF

HCl

HBr

HI

pKa = -10

pKa = - 9

pKa = -7pKa = 7.0

H2 S

pKa = 3.2pKa = 15.7pKa = 36pKa = 50

H2 ONH3CH4

We therefore can conclude that when the atoms are similar in size, the more acidic
compound will have its hydrogen attached to the more electronegative atom.

The effect that the electronegativity of the atom bonded to a hydrogen has on the
acidity of that hydrogen can be appreciated when the values of alcohols and
amines are compared. Because oxygen is more electronegative than nitrogen, an alco-
hol is more acidic than an amine.

Similarly, a protonated alcohol is more acidic than a protonated amine.

In comparing atoms that are very different in size, the size of the atom is more im-
portant than its electronegativity in determining how well it bears its negative charge.
For example, as we proceed down a column in the periodic table, the elements get
larger and their electronegativity decreases, but the stability of the base increases, so
the strength of the conjugate acid increases. Thus, HI is the strongest acid of the hy-
drogen halides, even though iodine is the least electronegative of the halogens.

Why does the size of an atom have such a significant effect on the stability of the
base and, therefore, on the acidity of a hydrogen attached to it? The valence electrons of

are in a orbital, the valence electrons of are in a orbital, those of 
are in a orbital, and those of are in a orbital. The volume of space occupied
by a orbital is significantly greater than the volume of space occupied by a 
orbital because a orbital extends out farther from the nucleus. Because its negative
charge is spread over a larger volume of space, is more stable than F-.Cl-

3sp3
2 sp33sp3

5sp3I-4 sp3
Br-3sp3Cl-2 sp3F-

HF HCl HBr HIrelative acidities:

strongest
acid

F– Cl– Br– I–relative stabilities:

most
stable

F Cl Br Irelative electronegativities:

largestmost
electronegative

<

> > >

< <

< < <

CH3OH2
+

pKa = −2.5

CH3NH3
+

pKa = 10.7
protonated methanol protonated methylamine

CH3OH

pKa = 15.5
methanol

CH3NH2

pKa = 40
methylamine

pKa

When atoms are very different in size,
the stronger acid will have its proton at-
tached to the largest atom.

When atoms are similar in size, the
stronger acid will have its proton at-
tached to the more electronegative
atom.
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p orbitals. Therefore, we will assume that the hydrogen–halogen bond is formed by the
overlap of an orbital of the halogen with the s orbital of hydrogen.

In the case of fluorine, the orbital used in bond formation belongs to the second
shell of electrons. In chlorine, the orbital belongs to the third shell of electrons. Be-
cause the average distance from the nucleus is greater for an electron in the third shell
than for an electron in the second shell, the average electron density is less in a or-
bital than in a orbital. This means that the electron density in the region where the
s orbital of hydrogen overlaps the orbital of the halogen decreases as the size of the
halogen increases (Figure 1.19). Therefore, the hydrogen–halogen bond becomes
longer and weaker as the size (atomic weight) of the halogen increases (Table 1.6).

sp3
2sp3

3sp3

sp3
sp3

H
hydrogen fluoride ball-and-stick

model of hydrogen fluoride
electrostatic potential map

for hydrogen fluoride

F

sp3

The hybridization of a C, O, or N is
sp13! the number of P bonds2.

Table 1.6 Hydrogen–Halogen Bond Lengths and Bond Strengths

Bond length
(Å)

Bond strength
Hydrogen halide kcal/mol kJ/mol

H F 0.917 136 571

H Cl 1.2746 103 432

H Br 1.4145 87 366

H I 1.6090 71 298

H

H

H

H

F

Cl

Br

I

Figure 1.19 N
There is greater electron density in
the region of overlap of an s orbital
with a orbital than in the
region of overlap of an s orbital
with a orbital.3sp3

2sp3

overlap of an s orbital
with a 2 sp3 orbital

overlap of an s orbital
with a 3 sp3 orbital

hydrogen iodide

hydrogen bromide

hydrogen chloride

hydrogen fluoride

PROBLEM 19◆

a. Predict the relative lengths and strengths of the bonds in and 
b. Predict the relative lengths and strengths of the bonds in HF, HCl, and HBr.

1.14 Summary: Orbital Hybridization, Bond Lengths, 
Bond Strengths, and Bond Angles

All single bonds are bonds. All double bonds are composed of one bond and one 
bond. All triple bonds are composed of one bond and two bonds. The easiest way
to determine the hybridization of a carbon, oxygen, or nitrogen atom is to look at the
number of bonds it forms: If it forms no bonds, it is hybridized; if it forms one

bond, it is hybridized; if it forms two bonds, it is sp hybridized. The exceptions
are carbocations and carbon radicals, which are hybridized—not because they form
a bond, but because they have an empty or half-filled p orbital (Section 1.10).p

sp2
psp2p

sp3pp

ps
pss

Br2.Cl2
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p orbitals. Therefore, we will assume that the hydrogen–halogen bond is formed by the
overlap of an orbital of the halogen with the s orbital of hydrogen.

In the case of fluorine, the orbital used in bond formation belongs to the second
shell of electrons. In chlorine, the orbital belongs to the third shell of electrons. Be-
cause the average distance from the nucleus is greater for an electron in the third shell
than for an electron in the second shell, the average electron density is less in a or-
bital than in a orbital. This means that the electron density in the region where the
s orbital of hydrogen overlaps the orbital of the halogen decreases as the size of the
halogen increases (Figure 1.19). Therefore, the hydrogen–halogen bond becomes
longer and weaker as the size (atomic weight) of the halogen increases (Table 1.6).
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Table 1.6 Hydrogen–Halogen Bond Lengths and Bond Strengths

Bond length
(Å)

Bond strength
Hydrogen halide kcal/mol kJ/mol

H F 0.917 136 571

H Cl 1.2746 103 432

H Br 1.4145 87 366

H I 1.6090 71 298
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There is greater electron density in
the region of overlap of an s orbital
with a orbital than in the
region of overlap of an s orbital
with a orbital.3sp3
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overlap of an s orbital
with a 2 sp3 orbital
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hydrogen iodide
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PROBLEM 19◆

a. Predict the relative lengths and strengths of the bonds in and 
b. Predict the relative lengths and strengths of the bonds in HF, HCl, and HBr.

1.14 Summary: Orbital Hybridization, Bond Lengths, 
Bond Strengths, and Bond Angles

All single bonds are bonds. All double bonds are composed of one bond and one 
bond. All triple bonds are composed of one bond and two bonds. The easiest way
to determine the hybridization of a carbon, oxygen, or nitrogen atom is to look at the
number of bonds it forms: If it forms no bonds, it is hybridized; if it forms one

bond, it is hybridized; if it forms two bonds, it is sp hybridized. The exceptions
are carbocations and carbon radicals, which are hybridized—not because they form
a bond, but because they have an empty or half-filled p orbital (Section 1.10).p
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Table 1.9 The Values of Some Simple AcidspKa

HF

HCl

HBr

HI

pKa = -10

pKa = - 9

pKa = -7pKa = 7.0

H2 S

pKa = 3.2pKa = 15.7pKa = 36pKa = 50

H2 ONH3CH4

We therefore can conclude that when the atoms are similar in size, the more acidic
compound will have its hydrogen attached to the more electronegative atom.

The effect that the electronegativity of the atom bonded to a hydrogen has on the
acidity of that hydrogen can be appreciated when the values of alcohols and
amines are compared. Because oxygen is more electronegative than nitrogen, an alco-
hol is more acidic than an amine.

Similarly, a protonated alcohol is more acidic than a protonated amine.

In comparing atoms that are very different in size, the size of the atom is more im-
portant than its electronegativity in determining how well it bears its negative charge.
For example, as we proceed down a column in the periodic table, the elements get
larger and their electronegativity decreases, but the stability of the base increases, so
the strength of the conjugate acid increases. Thus, HI is the strongest acid of the hy-
drogen halides, even though iodine is the least electronegative of the halogens.

Why does the size of an atom have such a significant effect on the stability of the
base and, therefore, on the acidity of a hydrogen attached to it? The valence electrons of

are in a orbital, the valence electrons of are in a orbital, those of 
are in a orbital, and those of are in a orbital. The volume of space occupied
by a orbital is significantly greater than the volume of space occupied by a 
orbital because a orbital extends out farther from the nucleus. Because its negative
charge is spread over a larger volume of space, is more stable than F-.Cl-

3sp3
2 sp33sp3

5sp3I-4 sp3
Br-3sp3Cl-2 sp3F-

HF HCl HBr HIrelative acidities:

strongest
acid

F– Cl– Br– I–relative stabilities:

most
stable

F Cl Br Irelative electronegativities:

largestmost
electronegative

<

> > >

< <

< < <

CH3OH2
+

pKa = −2.5

CH3NH3
+

pKa = 10.7
protonated methanol protonated methylamine

CH3OH

pKa = 15.5
methanol

CH3NH2

pKa = 40
methylamine

pKa

When atoms are very different in size,
the stronger acid will have its proton at-
tached to the largest atom.

When atoms are similar in size, the
stronger acid will have its proton at-
tached to the more electronegative
atom.
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p orbitals. Therefore, we will assume that the hydrogen–halogen bond is formed by the
overlap of an orbital of the halogen with the s orbital of hydrogen.

In the case of fluorine, the orbital used in bond formation belongs to the second
shell of electrons. In chlorine, the orbital belongs to the third shell of electrons. Be-
cause the average distance from the nucleus is greater for an electron in the third shell
than for an electron in the second shell, the average electron density is less in a or-
bital than in a orbital. This means that the electron density in the region where the
s orbital of hydrogen overlaps the orbital of the halogen decreases as the size of the
halogen increases (Figure 1.19). Therefore, the hydrogen–halogen bond becomes
longer and weaker as the size (atomic weight) of the halogen increases (Table 1.6).
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Table 1.6 Hydrogen–Halogen Bond Lengths and Bond Strengths

Bond length
(Å)

Bond strength
Hydrogen halide kcal/mol kJ/mol

H F 0.917 136 571

H Cl 1.2746 103 432

H Br 1.4145 87 366

H I 1.6090 71 298
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Figure 1.19 N
There is greater electron density in
the region of overlap of an s orbital
with a orbital than in the
region of overlap of an s orbital
with a orbital.3sp3

2sp3

overlap of an s orbital
with a 2 sp3 orbital

overlap of an s orbital
with a 3 sp3 orbital

hydrogen iodide

hydrogen bromide

hydrogen chloride

hydrogen fluoride

PROBLEM 19◆

a. Predict the relative lengths and strengths of the bonds in and 
b. Predict the relative lengths and strengths of the bonds in HF, HCl, and HBr.

1.14 Summary: Orbital Hybridization, Bond Lengths, 
Bond Strengths, and Bond Angles

All single bonds are bonds. All double bonds are composed of one bond and one 
bond. All triple bonds are composed of one bond and two bonds. The easiest way
to determine the hybridization of a carbon, oxygen, or nitrogen atom is to look at the
number of bonds it forms: If it forms no bonds, it is hybridized; if it forms one

bond, it is hybridized; if it forms two bonds, it is sp hybridized. The exceptions
are carbocations and carbon radicals, which are hybridized—not because they form
a bond, but because they have an empty or half-filled p orbital (Section 1.10).p

sp2
psp2p

sp3pp

ps
pss

Br2.Cl2

BRUI01-001_059r4  20-03-2003  2:58 PM  Page 36

For example, hydrogen iodide has a very low pKa of –10. This means that HI is a strong enough
acid to protonate most things. Its conjugate base, iodide ion, is therefore not very basic at all—in
fact, we very rarely think of it as a base—it will not deprotonate anything. A very powerful base is
methyllithium, MeLi. Here we effectively have CH3

– (but see Chapter 9), which can accept a proton
to become neutral methane, CH4. Methane is therefore the conjugate acid in this case. Clearly,
methane isn’t at all acidic—its pKa is about 48.

Table 8.1 gives a list of compounds and their
approximate pKa values.

Over the next few pages we shall be considering
the reasons for these differences in acid strength but
we are first going to consider the simple conse-
quences of mixing acids or bases of different strength. 

The difference in pKa values tells us the
equilibrium constant between two acids or
bases
If we have a mixture of two bases in a pot and we throw
in a few protons, where will the protons end up?
Clearly, this depends on the relative strengths of the
bases—if they are equally strong, then the protons will
be shared between them equally. If one base is stronger
than the other, then this base will get more than its fair
share of protons. If we put into our pot not two bases
but one base and an acid, then it’s exactly the same as
putting in two bases and then adding some protons—
the protons end up on the strongest base. Exactly how
the protons are shared depends on the difference in
strengths of the two bases, which is related to the dif-
ference in the pKas of their conjugate acids.

As an example, let us look at a method for acetylating aromatic amines in
aqueous solution. This reaction has a special name—the Lumière–Barbier
method. We shall consider the acetylation of aniline PhNH2 (a basic aromat-
ic amine) using acetic anhydride. The procedure for this reaction is as follows.

1 Dissolve one equivalent of aniline in water to which one equivalent of
hydrochloric acid has been added.

Aniline is not soluble in water to any significant degree. This isn’t surprising
as aniline is just a hydrophobic hydrocarbon with an amine group. The HCl
(pKa –7) protonates the aniline (pKa of the conjugate acid of aniline is 4.6) to
give the hydrochloride. Now we have a salt that is very soluble in water.

188 8 . Acidity, basicity, and pKa

!
An alternative way of looking at this
is that chloride ion is much happier
being a chloride ion than acetate is
being an acetate ion: the chloride
ion is fundamentally more stable
than is the acetate ion.

Table 8.1 The pKa value of some compounds

Acid pKa Conjugate base
HI ca. –10 I–

HCl ca. –7 Cl–

H2SO4 ca. –3 HSO4
–

HSO4
– 2.0 SO4

2–

CH3COOH 4.8 CH3COO–

H2S 7.0 HS–

NH4
+ 9.2 NH3

C6H5OH 10.0 C6H5O–

CH3OH 15.5 CH3O–

20.0

25

NH3 33 NH2
–

C6H6 ca. 43 C6H5
–

CH4 ca. 48 CH3
–

CH3

O

CH3

O

CH3 CH2

CH C H CH C

!
Have a close look at Table 8.1 for
there are some interesting points
to notice.

•Look at the acids themselves—
we have neutral, cationic, and
even anionic acids

•Notice the range of different
elements carrying the negative
charge of the conjugate
bases—we have iodine,
chlorine, oxygen, sulfur,
nitrogen, and carbon and many
more are possible

•Most importantly, notice the
vast range of pKa values: from
around –10 to 50. This
corresponds to a difference of
1060 in the equilibrium
constants and these are by no
means the limits. Other
compounds or intermediates
can have pKa values even
greater or less than these.

•In a mixture of two acids or two bases

• The ratio of Ka values gives us an indication of the equilibrium constant for
the reaction between a base and an acid

• The difference in pKas gives us the log of the equilibrium constant.

The equilibrium constant for this reaction is simply the Ka for the
hydrogen sulfate equilibrium divided by the Ka for the acetic acid
equilibrium.

This tells us in our case that, if we mixed sodium hydrogen sulfate and
sodium acetate in water, we would end up with mainly sodium sulfate
and acetic acid, the equilibrium constant for the reaction above being
approximately 600.
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aniline
insoluble in water

anilinium ion 
soluble in water
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That the difference in pKas gives the
log of the equilibrium constant can
easily be shown by considering, as an
example, the equilibrium for the
reaction between hydrogen sulfate and
acetate.

HSO4
– + CH3OO–(aq) s CH3COOH(aq) + SO4

2–

Inductive effect pKa
acidity
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Electron withdrawal in these molecules is the result of σ bond polarization from an inductive
effect (Chapter 5). The electrons in a σ bond between carbon and a more electronegative element
such as N, O, or F will be unevenly distributed with a greater electron density towards the more elec-
tronegative atom. This polarization is passed on more and more weakly throughout the carbon
skeleton. The three fluorine atoms in CF3H reduce the pKa to 26 from the 48 of methane, while the
nine fluorines in (CF3)3CH reduce the pKa still further to 10.

Such inductive effects become less significant as the electron-withdrawing group gets further away
from the negative charge as is shown by the pKas for these chlorobutanoic acids: 2-chloro acid is signif-
icantly stronger than butanoic acid but by the time the chlorine atom is on C4, there is almost no effect.

Hybridization can also affect the pKa
The hybridization of the orbital from which the proton is removed also affects the pKa. Since s
orbitals are held closer to the nucleus than are p orbitals, the electrons in them are lower in energy,
that is, more stable. Consequently, the more s character an orbital has, the more tightly held are the

electrons in it. This means that electrons in an sp
orbital (50% s character) are lower in energy than
those in an sp2 orbital (33% s character), which are, in
turn, lower in energy than those in an sp3 orbital (25%
s character). Hence the anions derived from ethane,
ethene, and ethyne increase in stability in this order
and this is reflected in their pKas. Cyanide ion, –CN,
with an electronegative element as well as an sp
hybridized anion, is even more stable and HCN has a
pKa of about 10.

Highly conjugated carbon acids
If we can delocalize the negative
charge of a conjugate anion on to
oxygen, the anion is more stable and
consequently the acid is stronger.
Even delocalization on to carbon
alone is good if there is enough of it,
which is why some highly delocal-
ized hydrocarbons have remarkably
low pKas for hydrocarbons. Look at
this series .
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pKa ca. 50 pKa ca. 44 pKa ca. 26

lone pair of CH3CH2 

 in sp3 orbital

lone pair of CH2=CH

 in sp2 orbital
lone pair of 
 in sp orbital

More remote hybridization is
also important
The more s character an orbital has, the more
it holds on to the electrons in it. This makes
an sp hybridized carbon less electron-
donating than an sp2 one, which in turn is
less electron-donating than an sp3 carbon.
This is reflected in the pKas of the compounds
shown here.

OH

OH
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OH

O O

OH
O

OH

OHOHOH

pKa 13.5

pKa 4.9 pKa 4.2 pKa 4.2

pKa 15.5pKa 16.1 pKa 15.4

pKa 1.9

H
H

pKa ca. 33

H
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H

pKa ca. 48

HH
H

pKa ca. 40

H

pKa ca. 32

!
Study carefully the pKas for the
haloform series, CHX3—they may
not do what you think they should!
Chloroform is much more acidic
than fluoroform even though
fluorine is more electronegative
(likewise with bromoform and
chloroform). The anion CF3

– must
be slightly destabilized because of
some backdonation of electrons.
The anion from chloroform and
bromoform may also be stabilized
by some interaction with the d
orbitals (there aren’t any on
fluorine). The conjugate base
anion of bromoform is relatively
stable—you will meet this again in
the bromoform/iodoform reaction
(Chapter 21).Inductive effect pKa

acidity
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Inductive effect

Electron withdrawal in these molecules is the result of σ bond polarization from an inductive
effect (Chapter 5). The electrons in a σ bond between carbon and a more electronegative element
such as N, O, or F will be unevenly distributed with a greater electron density towards the more elec-
tronegative atom. This polarization is passed on more and more weakly throughout the carbon
skeleton. The three fluorine atoms in CF3H reduce the pKa to 26 from the 48 of methane, while the
nine fluorines in (CF3)3CH reduce the pKa still further to 10.

Such inductive effects become less significant as the electron-withdrawing group gets further away
from the negative charge as is shown by the pKas for these chlorobutanoic acids: 2-chloro acid is signif-
icantly stronger than butanoic acid but by the time the chlorine atom is on C4, there is almost no effect.

Hybridization can also affect the pKa
The hybridization of the orbital from which the proton is removed also affects the pKa. Since s
orbitals are held closer to the nucleus than are p orbitals, the electrons in them are lower in energy,
that is, more stable. Consequently, the more s character an orbital has, the more tightly held are the

electrons in it. This means that electrons in an sp
orbital (50% s character) are lower in energy than
those in an sp2 orbital (33% s character), which are, in
turn, lower in energy than those in an sp3 orbital (25%
s character). Hence the anions derived from ethane,
ethene, and ethyne increase in stability in this order
and this is reflected in their pKas. Cyanide ion, –CN,
with an electronegative element as well as an sp
hybridized anion, is even more stable and HCN has a
pKa of about 10.

Highly conjugated carbon acids
If we can delocalize the negative
charge of a conjugate anion on to
oxygen, the anion is more stable and
consequently the acid is stronger.
Even delocalization on to carbon
alone is good if there is enough of it,
which is why some highly delocal-
ized hydrocarbons have remarkably
low pKas for hydrocarbons. Look at
this series .
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More remote hybridization is
also important
The more s character an orbital has, the more
it holds on to the electrons in it. This makes
an sp hybridized carbon less electron-
donating than an sp2 one, which in turn is
less electron-donating than an sp3 carbon.
This is reflected in the pKas of the compounds
shown here.
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haloform series, CHX3—they may
not do what you think they should!
Chloroform is much more acidic
than fluoroform even though
fluorine is more electronegative
(likewise with bromoform and
chloroform). The anion CF3

– must
be slightly destabilized because of
some backdonation of electrons.
The anion from chloroform and
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Steric effect

Compare the pKa of cyclopentadiene with that of cycloheptatriene. Whilst the anion
of the former has 6 π electrons (which makes it isoelectronic with benzene), the anion
of the latter has 8 π electrons. Remember that on p. 176 we saw how 4n π electrons
made a compound anti-aromatic? The cycloheptatrienyl anion does have
4n π electrons but it is not anti-aromatic because it isn’t planar. However, it certainly
isn’t aromatic either and its pKa of around 36 is about the same as that of propene. This
contrasts with the cyclopropenyl anion, which must be planar since any three points
define a plane. Now the compound is anti-aromatic and this is reflected in the very high
pKa (about 62). Other compounds may become aromatic on losing a proton. We
looked at fluorene a few pages back: now you will see that fluorene is acidic because its
anion is aromatic (14 π electrons).

Electron-donating groups decrease acidity
All of the substituents in the examples above have been electron-withdrawing and have helped to sta-
bilize the negative charge of the conjugate base, thereby making the acid stronger. What effect would
electron-donating groups have? As you would expect, these destabilize the conjugate base because,
instead of helping to spread out the negative charge, they actually put more in. The most common
electron-donating groups encountered in organic chemistry are the alkyl groups. These are weakly
electron-releasing (p. 416).
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anion is planar 
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make it aromatic
anion not planar
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anion is planar
 4π electrons 

make it anti-aromatic

!
This is by no means as far as we can go. The five cyanide
groups stabilize this anion so much that the pKa for this
compound is about –11 and it is considerably more acidic
than cyclopentadiene (pKa 15.5).

NC

NC CN

CN

H CN

CNNC

NC

CN

CN

•The more stabilized the conjugate base, A–, the stronger is the acid, HA. Ways to
stabilize A– include:

• Having the charge on an electronegative element

• Delocalizing the negative charge over other carbon atoms, or even better, over
more electronegative atoms

• Spreading out the charge over electron-withdrawing groups by the polariza-
tion of σσ bonds (inductive)

• Having the negative charge in an orbital with more s character

• Becoming aromatic

pKa 19.2pKa 17.1pKa 16.0pKa 15.5pKa 4.8pKa 3.7

H OH

O

H3C OH

O
H3C OHH3C OH

H3C OH

CH3

OH

CH3

H3C
H3C

formic (methanoic) acid acetic (ethanoic) acid methanol ethanol isopropyl alcohol tert-butyl alcohol

!
The anions are also stabilized by
solvation. Solvation is reduced by
increasing the steric hindrance
around the alkoxide.

It isn’t necessary for a group to be conjugated in order to spread the negative charge: any group
that withdraws electrons will help to stabilize the conjugate base and therefore increase the strength
of the acid. Some examples are shown below for both oxygen and carbon acids.
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Table 8.2 The conjugate bases and pKas of some carbon acids

Acid Conjugate base pKa Comments

~50 charge is localized on one carbon—difficult since carbon is
not very electronegative

~43 charge is delocalized over π system—better but still not really
good

13.5 charge is delocalized over π system but is mainly on the
electronegative oxygen—much better

5 charge delocalized over π system but mainly over two
oxygens—better still

~48 charge is localized on one carbon—again very unsatisfactory

10 charge is delocalized but mainly on oxygens of nitro group

4 charge can be delocalized over two nitro groups—more stable
anion

0 charge can be delocalized over three nitro groups—very
stable anion
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pKa 4.76 pKa 1.7 pKa 1.8 pKa 2.4 pKa 3.6

electron-withdrawing groups lowering the pKa of carboxylic acids

!
• Notice how very electron-

withdrawing the nitro group is—
it lowers the pKa of acetic acid
even more than a quaternary
ammonium salt!

•Notice also that the fourth
alcohol with three CF3 groups is
almost as acidic as acetic acid.

Picric acid is a very acidic phenol

F3C H

HF3C

pKa  ca. 22
F3C H

CF3F3C

pKa ca. 10
fluoroform

electron-withdrawing groups lowering
the pKas of carbon acids

pKa 26

HF3C

NO2

NO2

O2N

OH

picric acid

NO2

NO2

O2N

CH3

trinitrotoluene, TNT

OH F3C OH
F3C OH F3C OH

CF3 CF3F3C
H3C

pKa 15.5 pKa 12.4 pKa 9.3 pKa 5.4

electron-withdrawing groups lowering the pKa of alcohols

Electron-withdrawing effects on aromatic rings
will be covered in more detail in Chapter 22 but
for the time being note that electron-withdrawing
groups can considerably lower the pKas of
substituted phenols and carboxylic acids, as
illustrated by picric acid.

2, 4, 6-Trinitrophenol’s more common name,
picric acid, reflects the strong acidity of this
compound (pKa 0.7 compared to phenol’s 10.0).
Picric acid used to be used in the dyeing industry
but is little used now because it is also a powerful
explosive (compare its structure with that of TNT!).

Inductive effect pKa
acidity
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3-D Molecules:
Acetate ion; Ethoxide ion

There are two factors that cause the conjugate base of a carboxylic acid to be more
stable than the conjugate base of an alcohol. First, a carboxylate ion has a doubly
bonded oxygen in place of two hydrogens of the alkoxide ion. Inductive electron with-
drawal by this electronegative oxygen decreases the electron density of the ion. Sec-
ond, the electron density is further decreased by electron delocalization.

When an alcohol loses a proton, the negative charge resides on its single oxygen
atom—the electrons are localized. In contrast, when a carboxylic acid loses a proton, the
negative charge is shared by both oxygen atoms because the electrons are delocalized.
Delocalized electrons do not belong to a single atom, nor are they confined to a bond
between two atoms. Delocalized electrons are shared by more than two atoms. The two
structures shown for the conjugate base of acetic acid are called resonance contributors.
Neither resonance contributor represents the actual structure of the conjugate base. The
actual structure—called a resonance hybrid—is a composite of the two resonance
contributors. The double-headed arrow between the two resonance contributors is used to
indicate that the actual structure is a hybrid. Notice that the two resonance contributors
differ only in the location of their electrons and lone-pair electrons—all the atoms stay
in the same place. In the resonance hybrid, the negative charge is shared equally by the
two oxygen atoms, and both carbon–oxygen bonds are the same length—they are not as
long as a single bond, but they are longer than a double bond. A resonance hybrid can be
drawn by using dotted lines to show the delocalized electrons.

The following potential maps show that there is less electron density on the oxygen
atoms in the carboxylate ion (orange region) than on the oxygen atom of the alkoxide
ion (red region):

Thus, the combination of inductive electron withdrawal and the ability of two atoms to
share the negative charge decrease the electron density, making the conjugate base of
the carboxylic acid more stable than the conjugate base of the alcohol.
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Delocalized electrons are shared by
more than two atoms.

3-D Molecule:
Acetic acid
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Similar arguments explain the pKas for other oxygen acids, for example, ethanol (pKa, 15.9),
acetic acid (4.8), and methane sulfonic acid (–1.9). In ethoxide, the negative charge is localized on
one oxygen atom, whilst in acetate the charge is delocalized over two oxygens and in methane sul-
fonate it is spread over three oxygens.

In phenol, PhOH, the OH group is directly attached to a benzene ring. On deprotonation, the
negative charge can again be delocalized, not on to other oxygens but this time on to the aromatic
ring itself.

The effect of this is to stabilize the phenoxide anion relative to the conjugate base of cyclohexanol
where no delocalization is possible and this is reflected in the pKas of the two compounds: 10 for
phenol but 16 for cyclohexanol.

The same delocalization of charge can stabilize anions derived from deprotonating carbon acids.
These are acids where the proton is removed from carbon rather than oxygen and, in general, they
are weaker than oxygen acids because carbon is less electronegative. If the negative charge can be
delocalized on to more electronegative atoms such as oxygen or nitrogen, the conjugate base will be
stabilized and hence the acid will be stronger.

Table 8.2 shows a selection of carbon acids with their conjugate bases and pKas. In each case the
proton removed is shown in black.
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ethoxide acetate

methane sulfonate

charge localized on 
     one oxygen charge delocalized over two oxygens

charge delocalized over three oxygens

!
Just to remind you: these delocalization
arrows do not indicate that the charge
is actually moving from atom to atom.
These structures simply show that the
charge is spread out in the molecular
orbitals and mainly concentrated on the
oxygen atoms.

pKa 16

O
H

O

O

O
H

O OO

phenol
pKa 10

phenoxide

the lone pair in the p orbital can overlap with the π system of the ring,  
spreading the negative charge on the oxygen on to the benxene ring

these two lone pairs are in sp2 orbitals and 
do not  overlap with the π system of the ring

delocalization increases the 
electron density on the ring

localized
anion

cyclohexanol

•Get a feel for pKas!
Notice that these oxygen acids have pKas that conveniently fall in units of 5
(approximately).
Acid RSO2OH RCO2H ArOH ROH
Approx. pKa 0 5 10 15

It isn’t necessary for a group to be conjugated in order to spread the negative charge: any group
that withdraws electrons will help to stabilize the conjugate base and therefore increase the strength
of the acid. Some examples are shown below for both oxygen and carbon acids.
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Table 8.2 The conjugate bases and pKas of some carbon acids

Acid Conjugate base pKa Comments

~50 charge is localized on one carbon—difficult since carbon is
not very electronegative

~43 charge is delocalized over π system—better but still not really
good

13.5 charge is delocalized over π system but is mainly on the
electronegative oxygen—much better

5 charge delocalized over π system but mainly over two
oxygens—better still

~48 charge is localized on one carbon—again very unsatisfactory

10 charge is delocalized but mainly on oxygens of nitro group

4 charge can be delocalized over two nitro groups—more stable
anion

0 charge can be delocalized over three nitro groups—very
stable anion

CH3
H

HH

H H

H

H H

H

H

H

H

O
H

HH

H H

O O

HH

C N
O

O

H
H

H

NO2
O2N

H
H

NO2
O2N

O2N
H

C
H

H

H
H

CH3 CH2

H H

CH2 CH2

H

O CH2

H

H H

O O
(–) (–)

H2C N
O

O

NO2
O2N

H

NO2
O2N

O2N

C
H

H

H

OH

O

OH

O

O2N
OH

O

Me3N
OH

O

NC
OH

OO
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electron-withdrawing groups lowering the pKa of carboxylic acids

!
• Notice how very electron-

withdrawing the nitro group is—
it lowers the pKa of acetic acid
even more than a quaternary
ammonium salt!

• Notice also that the fourth
alcohol with three CF3 groups is
almost as acidic as acetic acid.

Picric acid is a very acidic phenol
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pKa  ca. 22
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CF3F3C

pKa ca. 10
fluoroform

electron-withdrawing groups lowering
the pKas of carbon acids
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trinitrotoluene, TNT
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pKa 15.5 pKa 12.4 pKa 9.3 pKa 5.4

electron-withdrawing groups lowering the pKa of alcohols

Electron-withdrawing effects on aromatic rings
will be covered in more detail in Chapter 22 but
for the time being note that electron-withdrawing
groups can considerably lower the pKas of
substituted phenols and carboxylic acids, as
illustrated by picric acid.

2, 4, 6-Trinitrophenol’s more common name,
picric acid, reflects the strong acidity of this
compound (pKa 0.7 compared to phenol’s 10.0).
Picric acid used to be used in the dyeing industry
but is little used now because it is also a powerful
explosive (compare its structure with that of TNT!).

Mesomeric effect pKa
acidity



Marco L. Lolli                 University of Torino (UniTO)

Electron withdrawal in these molecules is the result of σ bond polarization from an inductive
effect (Chapter 5). The electrons in a σ bond between carbon and a more electronegative element
such as N, O, or F will be unevenly distributed with a greater electron density towards the more elec-
tronegative atom. This polarization is passed on more and more weakly throughout the carbon
skeleton. The three fluorine atoms in CF3H reduce the pKa to 26 from the 48 of methane, while the
nine fluorines in (CF3)3CH reduce the pKa still further to 10.

Such inductive effects become less significant as the electron-withdrawing group gets further away
from the negative charge as is shown by the pKas for these chlorobutanoic acids: 2-chloro acid is signif-
icantly stronger than butanoic acid but by the time the chlorine atom is on C4, there is almost no effect.

Hybridization can also affect the pKa
The hybridization of the orbital from which the proton is removed also affects the pKa. Since s
orbitals are held closer to the nucleus than are p orbitals, the electrons in them are lower in energy,
that is, more stable. Consequently, the more s character an orbital has, the more tightly held are the

electrons in it. This means that electrons in an sp
orbital (50% s character) are lower in energy than
those in an sp2 orbital (33% s character), which are, in
turn, lower in energy than those in an sp3 orbital (25%
s character). Hence the anions derived from ethane,
ethene, and ethyne increase in stability in this order
and this is reflected in their pKas. Cyanide ion, –CN,
with an electronegative element as well as an sp
hybridized anion, is even more stable and HCN has a
pKa of about 10.

Highly conjugated carbon acids
If we can delocalize the negative
charge of a conjugate anion on to
oxygen, the anion is more stable and
consequently the acid is stronger.
Even delocalization on to carbon
alone is good if there is enough of it,
which is why some highly delocal-
ized hydrocarbons have remarkably
low pKas for hydrocarbons. Look at
this series .
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More remote hybridization is
also important
The more s character an orbital has, the more
it holds on to the electrons in it. This makes
an sp hybridized carbon less electron-
donating than an sp2 one, which in turn is
less electron-donating than an sp3 carbon.
This is reflected in the pKas of the compounds
shown here.
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!
Study carefully the pKas for the
haloform series, CHX3—they may
not do what you think they should!
Chloroform is much more acidic
than fluoroform even though
fluorine is more electronegative
(likewise with bromoform and
chloroform). The anion CF3

– must
be slightly destabilized because of
some backdonation of electrons.
The anion from chloroform and
bromoform may also be stabilized
by some interaction with the d
orbitals (there aren’t any on
fluorine). The conjugate base
anion of bromoform is relatively
stable—you will meet this again in
the bromoform/iodoform reaction
(Chapter 21).

Although to a lesser extent than amides (p. 165), the ester group is also stabilized by conjugation. In
this case, the ‘ethoxide part’ of the ester is electron-releasing. This explains the pKas shown below.

Nitrogen acids
Oxygen acids and carbon acids are by far the most important examples you will encounter and
by now you should have a good understanding of why their pKa values are what they are. Before
we move on to bases, it would be worthwhile to remind you how different nitrogen acids are from
oxygen acids, since the conjugate bases of amines are so important. The pKa of ammonia is much
greater than the pKa of water (about 33 compared with 15.74). This is because oxygen is more
electronegative than nitrogen and so can stabilize the negative charge better. A similar trend
is reflected in the pKas of other nitrogen compounds, for example, in the amide group. Whilst the
oxygen equivalent of an amide (a carboxylic acid) has a low pKa, a strong base is needed to deproto-
nate an amide. Nevertheless, the carbonyl group of an amide does lower the pKa from that of
an amine (about 30) to around 17. It’s not surprising, therefore, that the two carbonyl groups in
an imide lower the pKa still further, as in the case of phthalimide. Amines are not acidic, amides
are weakly acidic (about the same as alcohols), and imides are definitely acidic (about the same as
phenols).

Basicity
A base is a substance that can accept a proton by donating a pair of electrons. We have
already encountered some—for example, ammonia, water, the acetate anion, and the methyl
anion. The question we must now ask is: how can we measure a base’s strength? To what extent
does a base attract a proton? We hope you will realize that we have already addressed this prob-
lem by asking the same question from a different viewpoint: to what extent does a protonated
base want to keep its proton? For example if we want to know which is the stronger base—formate
anion or acetylide anion—we look up the pKas for their conjugate acids. We find that the pKa
for formic acid (HCO2H) is 3.7, whilst the pKa for ethyne (acetylene) is around 25. This means
that ethyne is much more reluctant to part with its proton, that is, acetylide is much more basic
than formate. This is all very well for anions—we simply look up the pKa value for the neutral conju-
gate acid, but what if we want to know the basicity of ammonia? If we look up the pKa for ammonia
we find a value around 33 but this is the value for deprotonating neutral ammonia to give the amide
ion, NH2

–.
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The potassium salt of 6-methyl-1,2,3-
oxathiazin-4-one 2,2-dioxide known as
acesulfame-K is used as an artificial
sweetener (trade name Sunett). Here
the negative charge is delocalized over
both the carbonyl and the sulfone
groups.
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Do not get confused with the two
uses of the word ‘amide’ in
chemistry. Both the carbonyl
compound and the ‘ionic’ base
formed by deprotonating an amine
are known as amides. From the
context it should be clear which is
meant—most of the time chemists
(at least organic chemists!) mean
the carbonyl compound.
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If we want to know the basicity of ammonia, we must look up the pKa of its conjugate acid, the
ammonium cation, NH4

+, protonated ammonia. Its pKa is 9.24 which means that ammonia is a
weaker base than hydroxide—the pKa for water (the conjugate acid of hydroxide) is 15.74 (p. 190).
Now we can summarize the states of ammonia at different pH values.

What factors affect how basic a compound is?
This really is the same as the question we were asking about the strength of an acid—the more ‘sta-
ble’ the base, the weaker it is. The more accessible the electrons are, the stronger the base is.
Therefore a negatively charged base is more likely to pick up a proton than a neutral one; a com-
pound in which the negative charge is delocalized is going to be less basic than one with a more con-
centrated, localized charge, and so on. We have seen that carboxylic acids are stronger acids than
simple alcohols because the negative charge formed once we have lost a proton is delocalized over
two oxygens in the carboxylate but localized on just one oxygen for the alkoxide. In other words, the
alkoxide is a stronger base because its electrons are more available to be protonated. Since we have
already considered anionic bases, we will now look in more detail at neutral bases.

There are two main factors that determine the strength of a neutral base: how accessible is the
lone pair and to what extent can the resultant positive charge formed be stabilized either by delocal-
ization or by the solvent. The accessibility of the lone pair depends on its energy—it is usually the
HOMO of the molecule and so, the higher its energy, the more reactive it is and hence the stronger
the base. The lone pair is lowered in energy if it is on a very electronegative element or if it can be
delocalized in some manner.
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!Get a feel for pKas!
Remember that the pKa also
represents the pH when we have
equal concentrations of acid and
conjugate base, that is, NH3 and
NH4

+ in this case. You know that
ammonia is a weak base and that
an aqueous solution is alkaline so
it should come as no surprise that
its pKa is on the basic side of 7.
To be exact, at pH 9.24 an
aqueous solution of ammonia
contains equal concentrations of
ammonium ions and ammonia.

pH 9.24 pH ~33

NH4 NH3 NH2

strongly basic

pH 16
limit of measurements in water

pH 7 pH >33pH <9.24

NH3

very strongly basic indeedneutral to acid

pH 10–33

The material in this box is quite mathematical and may be
skipped if you find it too alien.

It is often convenient to be able to refer to the basicity of a
substance directly. In some texts a different scale is
used, pKB. This is derived from considering how much
hydroxide ion a base forms in water rather than how much
hydronium ion the conjugate acid forms.

For the pKB scale:

Hence

pKB = – log (KB)

For the pKa scale:

Hence

pKA = – log (KA)

Just as in the acid pKa scale, the lower the pKa the
stronger the acid, in the basic pKB scale, the lower the
pKB, the stronger the base. The two scales are related:
the product of the equilibrium constants simply equals the
ionic product of water.

that is,

pKA + pKB = pKW = 14

There is a separate scale for bases, but it seems silly to
have two different scales, the basic pKB and the familiar
pKa, when one will do and so we will stick to pKa.
However, to avoid any misunderstandings that can arise
from amphoteric compounds like ammonia, whose pKa is
around 33, we will either say:

• The pKa of ammonia’s conjugate acid is 9.24
or, more concisely,

• The pKaH of ammonia is 9.24 (where pKaH simply
means the pKa of the conjugate acid)

Scales for basicity—pKB and pKaH
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!
The most important factor in the
strength of a base is which
element the lone pair (or negative
charge) is on. The more
electronegative the element, the
tighter it keeps hold of its
electrons, and so the less
available they are to accept a
proton, and the weaker is the
base.
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Although to a lesser extent than amides (p. 165), the ester group is also stabilized by conjugation. In
this case, the ‘ethoxide part’ of the ester is electron-releasing. This explains the pKas shown below.

Nitrogen acids
Oxygen acids and carbon acids are by far the most important examples you will encounter and
by now you should have a good understanding of why their pKa values are what they are. Before
we move on to bases, it would be worthwhile to remind you how different nitrogen acids are from
oxygen acids, since the conjugate bases of amines are so important. The pKa of ammonia is much
greater than the pKa of water (about 33 compared with 15.74). This is because oxygen is more
electronegative than nitrogen and so can stabilize the negative charge better. A similar trend
is reflected in the pKas of other nitrogen compounds, for example, in the amide group. Whilst the
oxygen equivalent of an amide (a carboxylic acid) has a low pKa, a strong base is needed to deproto-
nate an amide. Nevertheless, the carbonyl group of an amide does lower the pKa from that of
an amine (about 30) to around 17. It’s not surprising, therefore, that the two carbonyl groups in
an imide lower the pKa still further, as in the case of phthalimide. Amines are not acidic, amides
are weakly acidic (about the same as alcohols), and imides are definitely acidic (about the same as
phenols).

Basicity
A base is a substance that can accept a proton by donating a pair of electrons. We have
already encountered some—for example, ammonia, water, the acetate anion, and the methyl
anion. The question we must now ask is: how can we measure a base’s strength? To what extent
does a base attract a proton? We hope you will realize that we have already addressed this prob-
lem by asking the same question from a different viewpoint: to what extent does a protonated
base want to keep its proton? For example if we want to know which is the stronger base—formate
anion or acetylide anion—we look up the pKas for their conjugate acids. We find that the pKa
for formic acid (HCO2H) is 3.7, whilst the pKa for ethyne (acetylene) is around 25. This means
that ethyne is much more reluctant to part with its proton, that is, acetylide is much more basic
than formate. This is all very well for anions—we simply look up the pKa value for the neutral conju-
gate acid, but what if we want to know the basicity of ammonia? If we look up the pKa for ammonia
we find a value around 33 but this is the value for deprotonating neutral ammonia to give the amide
ion, NH2

–.
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acetone
(propanone)

pKa 20

ethyl acetate
(ethyl ethanoate)

 pKa 25

diethyl malonate
(diethyl propanedioate)

pKa 12.9

ethyl acetoacetate
(ethyl 3-oxobutanoate)

pKa 10.6

  acetylacetone
(2,4-pentanedione)

pKa 8.9

acetaldehyde
(ethanal)
pKa 13.5

propandial
pKa ca. 5

!
The potassium salt of 6-methyl-1,2,3-
oxathiazin-4-one 2,2-dioxide known as
acesulfame-K is used as an artificial
sweetener (trade name Sunett). Here
the negative charge is delocalized over
both the carbonyl and the sulfone
groups.
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water
pKa 15.74

ammonia
pKa ca. 33

carboxylic acid
 pKa ca. 5

phthalimide
pKa 8.3

amide
pKa ca. 17 !Amides

Do not get confused with the two
uses of the word ‘amide’ in
chemistry. Both the carbonyl
compound and the ‘ionic’ base
formed by deprotonating an amine
are known as amides. From the
context it should be clear which is
meant—most of the time chemists
(at least organic chemists!) mean
the carbonyl compound.

R1 N

O

R3

R2

R1
N

R2

H

R1
N

R2

an amine

the amide group

base

an amide base
e.g. sodium amide 

NaNH2
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Tutorial:
Acidity and electron
delocalization

in which an OH group is bonded to an carbon. The same factors responsible for the
greater acidity of a carboxylic acid compared with an alcohol cause phenol to be more
acidic than an alcohol such as cyclohexanol—stablization of phenol’s conjugate base
by electron withdrawal and by increased resonance energy.

The OH group of phenol is attached to an carbon that is more electonegative
than the carbon to which the OH group of cyclohexanol is attached
(Section 6.9). Greater inductive electron withdrawal by the carbon stabilizes the
conjugate base by decreasing the electron density of its negatively charged oxygen.
While both phenol and the phenolate ion have delocalized electrons, the resonance
energy of the phenolate ion is greater than that of phenol because three of phenol’s
resonance contributors have separated charges. The loss of a proton from phenol,
therefore, is accompanied by an increase in resonance energy. In contrast, neither
cyclohexanol nor its conjugate base has delocalized electrons, so loss of a proton is
not accompanied by an increase in resonance energy.

Electron withdrawal from the oxygen in the phenolate ion is not as great as in the
carboxylate ion. In addition, the increased resonance energy resulting from loss of a
proton is not as great in a phenolate ion as in a carboxylate ion, where the negative
charge is shared equally by two oxygens. Phenol, therefore, is a weaker acid than a
carboxylic acid.

Again, the same two factors can be invoked to account for why protonated aniline is
a stronger acid than protonated cyclohexylamine.

First, the nitrogen atom of aniline is attached to an carbon, whereas the nitro-
gen atom of cyclohexylamine is attached to a less electronegative carbon.
Second, the nitrogen atom of protonated aniline lacks a lone pair that can be delo-
calized. When it loses a proton, however, the lone pair that formerly held the proton
can be delocalized. Loss of a proton, therefore, is accompanied by an increase in res-
onance energy.

sp 3
sp 2

+
NH3

protonated aniline
pKa = 4.60

+
NH3

protonated cyclohexylamine
pKa = 11.2

−

+ H+
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OH OH+OH

−
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O O O O

−
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sp 2
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OH CH3 CH2 OH
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pKa = 16
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This explains why ammonia is 1010 times more basic than water: since oxygen is more electroneg-
ative than nitrogen, its lone pair is lower in energy. In other words, the oxygen atom in water wants
to keep hold of its electrons more than the nitrogen in ammonia does and is therefore less likely to
donate them to a proton. The pKaH for ammonia (that is, the pKa for ammonium ion) is 9.24 whilst
the pKaH for water (the pKa for hydronium ion) is –1.74. Nitrogen bases are the strongest neutral
bases commonly encountered by the organic chemist and so we will pay most attention to these in
the discussion that follows.

Neutral nitrogen bases
Ammonia is the simplest nitrogen base and has a pKaH of 9.24. Any substituent that increases the
electron density on the nitrogen therefore raises the energy of the lone pair thus making it more
available for protonation and increasing the basicity of the amine (larger pKaH). Conversely, any
substituent that withdraws electron density from the nitrogen makes it less basic (smaller pKaH). 

Effects that increase the electron density on nitrogen
We can increase the electron density on nitrogen either by attaching an electron-releas-
ing group or by conjugating the nitrogen with an electron-donating group. The simplest
example of an electron-releasing group is an alkyl group (p. 416). If we successively sub-
stitute each hydrogen in ammonia by an electron-releasing alkyl group, we should
increase the amine’s basicity. The pKaH values for various mono-, di-, and trisubstituted
amines are shown in Table 8.4.

Points to notice in Table 8.4:

• All the amines have pKaHs greater than that of ammonia (9.24)

• All the primary amines have approximately the same pKaH (about 10.7)

• All the secondary amines have pKaHs that are slightly higher

• Most of the tertiary amines have pKaHs lower than those of the primary amines

The first point indicates that our prediction that replacing the hydrogens by electron-releasing alkyl
groups would increase basicity was correct. A strange feature though is that, whilst substituting one
hydrogen of ammonia increases the basicity by more than a factor of ten (one pKa unit), substituting two
has less effect and in the trisubstituted amine the pKaH is actually lower. So far we have only considered
one cause of basicity, namely, the availability of the lone pair but the other factor, the stabilization of the
resultant positive charge formed on protonation, is also important. Each successive alkyl group does
help stabilize the positive charge because it is electron-releasing but there is another stabilizing effect—
the solvent. Every hydrogen attached directly to nitrogen will be hydrogen bonded with solvent water
and this also helps to stabilize the charge: the more hydrogen bonding, the more stabilization. The
observed basicity therefore results from a combination of effects: (1) the increased availability of the lone
pair and the stabilization of the resultant positive charge, which increases with successive replacement of
hydrogen atoms by alkyl groups; and (2) the stabilization due to solvation, an important part of which is
due to hydrogen bonding and this effect decreases with increasing numbers of alkyl groups.

Introducing alkyl groups is the simplest way to increase the electron density on nitrogen but there
are other ways. Conjugation with an electron-donating group produces even stronger bases (p. 202)
but we could also increase the electron density by using elements such as silicon. Silicon is more
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Table 8.4 pKaH values for primary, secondary,
and tertiary amines

R pKaH RNH2 pKaH R2NH pKaH R3N
Me 10.6 10.8 9.8

Et 10.7 11.0 10.8

n-Pr 10.7 11.0 10.3

n-Bu 10.7 11.3 9.9

N

H

H H
H N

H

H R
H N

H

H R
R N

H

R R
R

more stabilization of positive charge from alkyl groups

more stabilization of positive charge from hydrogen bonding with solvent

Gas phase acidity
If we look at the pKaH values in the gas
phase, we can eliminate the hydrogen
bonding contribution and we find the
basicity increases in the order we expect,
that is, tertiary > secondary > primary.

!pKaH!
We use pKaH to mean the pKa of
the conjugate acid.

Basicity evaluation

electropositive than carbon, that is, it pushes more electron
density on to carbon. This extra donation of electrons also
means that the silicon compound has a higher pKaH value
than its carbon analogue since the nitrogen’s lone pair is
higher in energy.

The pKaHs of some amines in which the nitrogen is attached either directly or indirectly to an
electron-withdrawing group are shown below. We should compare these values with typical values
of about 11 for simple primary and secondary amines.

The strongly electron-withdrawing CF3 and CCl3 groups have a large effect when they are on the
same carbon atom as the NH2 group but the effect gets much smaller when they are even one atom
further away. Inductive effects fall off rapidly with distance.

If the lone pair itself is in an sp2 or an sp orbital, it is more tightly held (the orbital is lower in ener-
gy) and therefore much harder to protonate. This explains why the lone pair of the nitrile group is
not at all basic and needs a strong acid to protonate it.

The low pKaH of aniline (PhNH2), 4.6, is partly due to the nitrogen being attached to an sp2 car-
bon but also because the lone pair can be delocalized into the benzene ring. In order for the lone pair
to be fully conjugated with the benzene ring, the nitrogen would have to be sp2 hybridized with the
lone pair in the p orbital. This would mean that both hydrogens of the NH2 group would be in the
same plane as the benzene ring but this is not found to be the case. Instead, the plane of the NH2
group is about 40° away from the plane of the ring. That the lone pair is partially conjugated into the
ring is shown indirectly by NMR shifts and by the chemical reactions that aniline undergoes. Notice
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!
Remember that Me4Si, tetramethyl
silane, in carbon NMR resonates at 0.0
p.p.m.? This is another consequence of
silicon being more electropositive than
carbon—the methyl carbons of TMS are
more shielded and so resonate at a
smaller chemical shift than other
saturated carbons.

Si NH2

Me

Me
Me

pKaH 11.0

Si NH2

Me

Me
Me

pKaH 11.0

•Effects that decrease the electron density on nitrogen
The lone pair on nitrogen will be less available for protonation, and the amine less
basic, if:

• The nitrogen atom is attached to an electron-withdrawing group

• The lone pair is in an sp or sp2 hybridized orbital

• The lone pair is conjugated with an electron-withdrawing group

• The lone pair is involved in maintaining the aromaticity of the molecule

!
Compare this summary with the one for
the stabilization of the conjugate base
A– on p. 196. In both cases, we are
considering the same factors.

NH2Cl3C NH2F3C F3C
NH2

Cl3C
NH2

pKaH 5.5 pKaH 9.65 pKaH 8.7pKaH 5.7

Hybridization is important
As explained on p. 194, the more s character an orbital
has, the more tightly it holds on to its electrons and so the
more electron-withdrawing it is. This is nicely illustrated by
the series in Table 8.5.

• These effects are purely inductive electron withdrawal.
Satisfy yourself there is no conjugation possible

• The last compound’s pKaH is very low. This is even less
basic than a carboxylate ion.

Table 8.5 pKaHs of unsaturated
primary, secondary, and tertiary amines

R RNH2 R2NH R3N
10.7 11.0 10.3

9.5 9.3 8.3

8.2 6.1 3.1

H3C—CH2—CH2—

H2C CH CH2

HC C CH2—

N
H

H

lone pair in sp3 orbital

 pKaH 10.7

N
H

lone pair in sp2 orbital

pKaH 9.2

Me N

HH

lone pair in sp3 orbital

pKaH 10.8

NMe

lone pair in sp orbital
pKaH ca. –10

!
Of course, electron-withdrawing groups
on the benzene ring will affect the
availability of the lone pair. For
example, the pKaH of p-nitro aniline is
only 1.11. This explains why certain
aromatic amines (for example,
nitroanilines and dibromoanilines)
can’t be acetylated using the
Lumière–Barbier method (p. 188).

pKa
basicity
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lone pair in the p orbital. This would mean that both hydrogens of the NH2 group would be in the
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group is about 40° away from the plane of the ring. That the lone pair is partially conjugated into the
ring is shown indirectly by NMR shifts and by the chemical reactions that aniline undergoes. Notice
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silane, in carbon NMR resonates at 0.0
p.p.m.? This is another consequence of
silicon being more electropositive than
carbon—the methyl carbons of TMS are
more shielded and so resonate at a
smaller chemical shift than other
saturated carbons.

Si NH2

Me

Me
Me

pKaH 11.0

Si NH2

Me

Me
Me

pKaH 11.0

•Effects that decrease the electron density on nitrogen
The lone pair on nitrogen will be less available for protonation, and the amine less
basic, if:

• The nitrogen atom is attached to an electron-withdrawing group

• The lone pair is in an sp or sp2 hybridized orbital

• The lone pair is conjugated with an electron-withdrawing group

• The lone pair is involved in maintaining the aromaticity of the molecule

!
Compare this summary with the one for
the stabilization of the conjugate base
A– on p. 196. In both cases, we are
considering the same factors.

NH2Cl3C NH2F3C F3C
NH2

Cl3C
NH2

pKaH 5.5 pKaH 9.65 pKaH 8.7pKaH 5.7

Hybridization is important
As explained on p. 194, the more s character an orbital
has, the more tightly it holds on to its electrons and so the
more electron-withdrawing it is. This is nicely illustrated by
the series in Table 8.5.

• These effects are purely inductive electron withdrawal.
Satisfy yourself there is no conjugation possible

• The last compound’s pKaH is very low. This is even less
basic than a carboxylate ion.

Table 8.5 pKaHs of unsaturated
primary, secondary, and tertiary amines

R RNH2 R2NH R3N
10.7 11.0 10.3

9.5 9.3 8.3

8.2 6.1 3.1

H3C—CH2—CH2—

H2C CH CH2

HC C CH2—

N
H

H

lone pair in sp3 orbital

 pKaH 10.7

N
H

lone pair in sp2 orbital

pKaH 9.2

Me N

HH

lone pair in sp3 orbital

pKaH 10.8

NMe

lone pair in sp orbital
pKaH ca. –10

!
Of course, electron-withdrawing groups
on the benzene ring will affect the
availability of the lone pair. For
example, the pKaH of p-nitro aniline is
only 1.11. This explains why certain
aromatic amines (for example,
nitroanilines and dibromoanilines)
can’t be acetylated using the
Lumière–Barbier method (p. 188).
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Amidines are stronger bases than amides or amines
An amidine is the nitrogen equivalent of an amide—a C=NH group replaces the carbonyl. Amidines
are much more basic than amides, the pKaHs of amidines are larger than those of amides by about 13
so there is an enormous factor of 1013 in favour of amidines. In fact, they are among the strongest
neutral bases.

An amidine has two nitrogen atoms that could be protonated—one is sp3 hybridized, the other
sp2 hybridized. We might expect the sp3 nitrogen to be more basic but protonation occurs at the sp2

nitrogen atom. This happens because we have the same situation as with an amide: only if we proto-
nate on the sp2 nitrogen can the positive charge be delocalized over both nitrogens. We are using
both lone pairs when we protonate on the sp2 nitrogen.

The electron density on the sp2 nitrogen in an amidine is increased through conjugation with the
sp3 nitrogen. The delocalized amidinium cation has identical C–N bond lengths and a positive
charge shared equally between the two nitrogen atoms. It is like a positively charged analogue of the
carboxylate ion.

Guanidines are very strong bases
Even more basic is guanidine, pKaH 13.6, nearly as strong a base as NaOH! On protonation, the pos-
itive charge can be delocalized over three nitrogen atoms to give a very stable cation. All three nitro-
gen lone pairs cooperate to donate electrons but protonation occurs, as before, on the sp2 nitrogen
atom.

This time the resulting guanidinium ion can be compared to the very stable carbonate dianion.
All three C–N bonds are the same length in the guanidinium ion and each nitrogen atom has the
same charge (about one-third positive). In the carbonate dianion, all three C–O bonds are the same
length and each oxygen atom has the same charge (about two-thirds negative as it is a dianion).

Imidazoline is a simple cyclic amidine and its pKaH value is just what we expect, around 11.
Imidazole, on the other hand, is less basic (pKaH 7.1) because both nitrogens are attached to an
electron-withdrawing sp2 carbon. However, imidazole, with its two nitrogen atoms, is more basic
than pyridine (pKaH 5.2) because pyridine only has one nitrogen on which to stabilize the positive
charge.
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Imidazole, on the other hand, is less basic (pKaH 7.1) because both nitrogens are attached to an
electron-withdrawing sp2 carbon. However, imidazole, with its two nitrogen atoms, is more basic
than pyridine (pKaH 5.2) because pyridine only has one nitrogen on which to stabilize the positive
charge.

202 8 . Acidity, basicity, and pKa

Me NH2

N

R NH2

N
HH

 pKaH 12.4an amidine

R NH2

N

R NH2

N
A H

R NH2

N
A HH HH H

R NH2

N
HH

O

OR

NH2

NH2R

(+)

(+)

amidinium 
cation

carboxylate
anion

(–)

(–)

Amidine bases
Two frequently used amidine bases are
DBN (1,5-diazabicyclo[3.4.0]nonene-5) and
DBU (1,8-diazabicyclo[5.4.0]undecene-7).

They are easier to make, more stable, and less
volatile than simpler amidines.

N

N

N

N

DBN DBU

H2N NH2

N
A H

H2N NH2

N
A HHH H

H2N NH2

N
HH

H2N NH2

N

H2N NH2

N
H H

guanidine: pKa 13.6

O

OO

NH2

NH2H2N

  very stable guanidinium cation
each (+)  is a third 
of a positive charge

(–)

(–)

(+)

very stable carbonate dianion
each (–)  is two-thirds 
of a negative charge

(+)(+)

(–)
N NH N NH HN NH

N N
H

pyridinium 
cation

pyridine
pKaH 5.2

imidazole
pKaH 7.1

imidazoline
pKaH 11

imidazolium 
cation

Basicity evaluation pKa
basicity



Marco L. Lolli                 University of Torino (UniTO)

Amidines are stronger bases than amides or amines
An amidine is the nitrogen equivalent of an amide—a C=NH group replaces the carbonyl. Amidines
are much more basic than amides, the pKaHs of amidines are larger than those of amides by about 13
so there is an enormous factor of 1013 in favour of amidines. In fact, they are among the strongest
neutral bases.

An amidine has two nitrogen atoms that could be protonated—one is sp3 hybridized, the other
sp2 hybridized. We might expect the sp3 nitrogen to be more basic but protonation occurs at the sp2

nitrogen atom. This happens because we have the same situation as with an amide: only if we proto-
nate on the sp2 nitrogen can the positive charge be delocalized over both nitrogens. We are using
both lone pairs when we protonate on the sp2 nitrogen.

The electron density on the sp2 nitrogen in an amidine is increased through conjugation with the
sp3 nitrogen. The delocalized amidinium cation has identical C–N bond lengths and a positive
charge shared equally between the two nitrogen atoms. It is like a positively charged analogue of the
carboxylate ion.

Guanidines are very strong bases
Even more basic is guanidine, pKaH 13.6, nearly as strong a base as NaOH! On protonation, the pos-
itive charge can be delocalized over three nitrogen atoms to give a very stable cation. All three nitro-
gen lone pairs cooperate to donate electrons but protonation occurs, as before, on the sp2 nitrogen
atom.

This time the resulting guanidinium ion can be compared to the very stable carbonate dianion.
All three C–N bonds are the same length in the guanidinium ion and each nitrogen atom has the
same charge (about one-third positive). In the carbonate dianion, all three C–O bonds are the same
length and each oxygen atom has the same charge (about two-thirds negative as it is a dianion).

Imidazoline is a simple cyclic amidine and its pKaH value is just what we expect, around 11.
Imidazole, on the other hand, is less basic (pKaH 7.1) because both nitrogens are attached to an
electron-withdrawing sp2 carbon. However, imidazole, with its two nitrogen atoms, is more basic
than pyridine (pKaH 5.2) because pyridine only has one nitrogen on which to stabilize the positive
charge.

202 8 . Acidity, basicity, and pKa

Me NH2

N

R NH2

N
HH

 pKaH 12.4an amidine

R NH2

N

R NH2

N
A H

R NH2

N
A HH HH H

R NH2

N
HH

O

OR

NH2

NH2R

(+)

(+)

amidinium 
cation

carboxylate
anion

(–)

(–)

Amidine bases
Two frequently used amidine bases are
DBN (1,5-diazabicyclo[3.4.0]nonene-5) and
DBU (1,8-diazabicyclo[5.4.0]undecene-7).

They are easier to make, more stable, and less
volatile than simpler amidines.

N

N

N

N

DBN DBU

H2N NH2

N
A H

H2N NH2

N
A HHH H

H2N NH2

N
HH

H2N NH2

N

H2N NH2

N
H H

guanidine: pKa 13.6

O

OO

NH2

NH2H2N

  very stable guanidinium cation
each (+)  is a third 
of a positive charge

(–)

(–)

(+)

very stable carbonate dianion
each (–)  is two-thirds 
of a negative charge

(+)(+)

(–)
N NH N NH HN NH

N N
H

pyridinium 
cation

pyridine
pKaH 5.2

imidazole
pKaH 7.1

imidazoline
pKaH 11

imidazolium 
cation

All the same factors of electron donation and withdrawal apply to oxygen compounds as well as to
nitrogen compounds, but the effects are generally much less pronounced because oxygen is so elec-
tronegative. In fact, most oxygen compounds have pKaHs around –7, the notable exception being
the amide, which, because of the electron donation from the nitrogen atom, has a pKaH around –0.5
(p. 201). They are all effectively nonbasic and strong acids are needed to protonate them.

pKa in action—the development of the drug cimetidine
The development of the anti-peptic ulcer drug cimetidine gives a fascinating insight into the impor-
tant role of pKa in chemistry. Peptic ulcers are a localized erosion of the mucous membrane, resulting
from overproduction of gastric acid in the stomach. One of the compounds that controls the produc-

tion of the acid is histamine.
(Histamine is also responsible for
the symptoms of hay fever and
allergies.)

Histamine works by binding
into a receptor in the stomach lin-
ing and stimulating the produc-

tion of acid. What the developers of cimetidine at SmithKline Beecham wanted was a drug that
would bind to these receptors without activating them and thereby prevent histamine from binding
but not stimulate acid secretion itself. Unfortunately, the antihistamine drugs successfully used in
the treatment of hay fever did not work—a different histamine receptor was involved. Notice that
cimetidine and histamine both have an imidazole ring in their structure. This is not coincidence—
cimetidine’s design was centred around the structure of histamine.

In the body, most histamine exists as a salt, being protonated on the primary amine and the early
compounds modelled this. The guanidine analogue was synthesized and tested to see if it had any
antagonistic effect (that is, if it could bind in the histamine receptors and prevent histamine bind-

ing). It did bind but unfortunately
it acted as an agonist rather than
an antagonist and stimulated acid
secretion rather than blocking it.
Since the guanidine analogue has
a pKaH even greater than hista-
mine (about 14.5 compared to
about 10), it is effectively all pro-
tonated at physiological pH.
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Table 8.6 (continued)

Oxygen compound Oxygen compound Approximate pKaH Conjugate acid HA of oxygen
(conjugate base A) of oxygen compound compound

(pKa of acid HA)

alcohol –4

ether –4

water –1.74

amide –0.5
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cimetidine histamine

!
Histamine in this example is an
agonist in the production of
gastric acid. It binds to specific
sites in the stomach cells
(receptor sites) and triggers the
production of gastric acid (mainly
HCl).

An antagonist works by binding to
the same receptors but not
stimulating acid secretion itself.
This prevents the agonist from
binding and stimulating acid
production.

NH3

H
N

N

H
N

N

H
N

NH2

NH2

the major form of histamine
at physiological pH (7.4)

pKa 10

the guanidine analogue
the extra carbon in the chain was found

to increase the efficacy of the drug

pKa 14.5
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Henderson-Hasselbalch Equation

Ka = 
[A-][H+]

[HA]
pH = pKa + log

[A-]

[HA]

27 

2.8 3.8 4.8 5.8 6.8
HA 100 90 50 10 1
A- 0 10 50 90 100

2.8 3.8 4.8 5.8 6.8
BH+ 100 90 50 10 1
B 0 10 50 90 100
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pKa

The Henderson–Hasselbalch equation can be very useful in the laboratory when
compounds need to be separated from each other. Water and diethyl ether are not
miscible liquids and, therefore, will form two layers when combined. The ether layer
will lie above the more dense water layer. Charged compounds are more soluble in
water, whereas neutral compounds are more soluble in diethyl ether. Two compounds,
such as a carboxylic acid (RCOOH) with a of 5.0 and a protonated amine

with a of 10.0, dissolved in a mixture of water and diethyl ether, can be
separated by adjusting the pH of the water layer. For example, if the pH of the water
layer is 2, the carboxylic acid and the amine will both be in their acidic forms because
the pH of the water is less than the of both compounds. The acidic form of a car-
boxylic acid is neutral, whereas the acidic form of an amine is charged. Therefore, the
carboxylic acid will be more soluble in the ether layer, whereas the protonated amine
will be more soluble in the water layer.

For the most effective separation, it is best if the pH of the water layer is at least two
units away from the values of the compounds being separated. Then the relative
amounts of the compounds in their acidic and basic forms will be at least 100:1
(Figure 1.20).

pKa

RCOOH RCOO− H++

acidic form basic form

RNH3 RNH2 H++
+

pKa’s

pKa(RNH3  

+)
pKa

DERIVATION OF THE
HENDERSON–HASSELBALCH
EQUATION

The Henderson–Hasselbalch equation can be derived from the
expression that defines the acid dissociation constant:

Taking the logarithms of both sides of the equation and then, in
the next step, multiplying both sides of the equation by we
obtain

-1,

Ka =
[H3 O+][A-]

[HA]

and

Substituting and remembering that when a fraction is inverted,
the sign of its log changes, we get

pKa = pH + log 
[HA]
[A-]

- log Ka = - log[H3 O+] - log 
[A-]
[HA]

log Ka = log[H3 O+] + log 
[A-]
[HA]
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