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2.9: ORGANIC ACIDS AND ORGANIC BASES

After completing this section, you should be able to

o predict the relative acidity of two organic molecules from their structures.
o predict the relative basicity of two organic molecules from their structures.

This page explains the acidity of simple organic acids and looks at the factors which affect their relative strengths.

ORGANIC ACIDS AS WEAK ACIDS

For the purposes of this topic, we are going to take the definition of an acid as "a substance which donates hydrogen ions (protons) to other
things". We are going to get a measure of this by looking at how easily the acids release hydrogen ions to water molecules when they are in
solution in water.

An acid in solution sets up this equilibrium:

AH(q) + HyOy = A(;q) + HgOE;q)

A hydronium ion is formed together with the anion (negative ion) from the acid. This equilibrium is sometimes simplified by leaving out the
water to emphasize the ionization of the acid.
— A +
A g = Ay T Hy)
If you write it like this, you must include the state symbols - "(aq)". Writing H*(,q) implies that the hydrogen ion is attached to a water
molecule as H30". Hydrogen ions are always attached to something during chemical reactions.

The organic acids are weak in the sense that this ionization is very incomplete. At any one time, most of the acid will be present in the
solution as un-ionized molecules. For example, in the case of dilute ethanoic acid, the solution contains about 99% of ethanoic acid
molecules - at any instant, only about 1% have actually ionized. The position of equilibrium therefore lies well to the left.

WEAK ACID POLARIZATION

Organic acids can usually can be characterized in electrostatic potential maps by the presence of of a positively polarized hydrogen atom
shown in blue. When looking at the maps below, methanol has a slightly polarized O-H bond and is considered very weakly acidic. The O-
H bond in methyl amine is less polarized, as shown by the lighter blue color around the hydrogen, making it less acidic than methanol.
However, the C-H bond in ethane lack virtually any polarity, as shown by the lack of a blue color, making it non-acidic. The following
discussion will explain the difference in acidity of these and other organic molecules molecules.

methanol i
methylamine ethane

COMPARING THE STRENGTHS OF WEAK ACIDS

Acid strength is strongly correlated to stability of the conjugate base that will form by removing a proton. In order to analyze how acidic a
molecule is likely to be, then you need to estimate the stability of its conjugate base.

STABILIZATION OF THE CONJUGATE BASE - FOUR MAIN CONSIDERATIONS:

1. Size and electronegativity of the atom holding the charge
2. Can the charge be delocalized by resonance?
3. Are there any inductive effects?
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4. Hybridization of orbital holding the charge

These considerations are listed in order of importance and are explained individually, but must be looked at collectively.
1. SIZE AND ELECTRONEGATIVITY EFFECTS IN ACIDITY

When comparing elements, it depends on the positional relationship of the elements on the periodic table. When moving a period (aka
across a row) of the main group elements, the valence electrons all occupy orbitals in the same shell. These electrons have comparable
energy, so this factor does not help us discern differences relative stability. Differences in electronegativity are now the dominant factor.
This trend is shown when comparing the pKa values of ethane, methyl amine, and methanol which reflects the relative electronegativities of
the C < N < O. The key to understanding this trend is to consider the hypothetical conjugate base in each case: the more stable the
conjugate base, the stronger the acid. In general, the more electronegative an atom, the better it is able to bear a negative charge. In the
ethyl anion, the negative charge is borne by carbon, in the methylamine anion by nitrogen, and in the methoxide anion by an oxygen.
Remember the periodic trend in electronegativity: it also increases as we move from left to right along a row, meaning that oxygen is the
most electronegative of three elements being considered. This makes the negative charge on the methoxide anion the most stable of the
three conjugate bases and methanol the strongest of the three acids. Likewise, carbon is the least electronegative making ethane the weakest
of the three acids.

©
H3C_CH3 H3C_CH2 + H+
ethane ethyl
pK, =50 anion
/H .
HC—N:  ——= HiC—=N*  + ¢
H H
methylamine methylamine
pK, =40 anion

H3C_()\: —
H

methanol methanol anion
pK, =15.5 (methoxide)

e
H,c—0% + HY

Within a Group (aka down a column) As we move down the periodic table, the electrons are occupying higher energy subshells creating a
larger atomic size and volume. As the volume of an element increases, any negative charge present tends to become more spread out which
decreases electron density and increases stability. The figure below shows spheres representing the atoms of the s and p blocks from the
periodic table to scale, showing the two trends for the atomic radius.
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Figure 2.9.1: Atomic Radii Trends on the Periodic Table. Although there are some reversals in the trend (e.g., see Po in the bottom row),
atoms generally get smaller as you go across the periodic table and larger as you go down any one column. Numbers are the radii in pm.

This relationship of atomic size and electron density is illustrated when we compare the relative acidities of methanol, CH;OH, with
methanethiol, CH;SH. The lower pKa value of 10.4 for methanethiol indicates that it is a stronger acid than methanol with a pKa value of
15.5. It is important to remember that neither compound is considered an acid. These relationships become useful when trying to
deprotonate compounds to increase their chemical reactivity in non-aqueous reaction conditions.

_“ : ..@
H3C O\ ~— H3C_o H + H*
H .o
methanol
pK, =15.5

. o
HC—S! = HsC—S:T * H*

H
methanethiol
pK,=10.4

The difference in size can easily be seen when looking at the electrostatic potential maps for methanol (Left) and methanethiol (Right). The
sulfur atom methanethiol is larger than the oxygen atom in methanol. The larger size of sulfur will be better able to delocalize and stabilize
the negative charge in its conjugate base metanethiolate.
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RESONANCE EFFECTS IN ACIDITY

This section will focus on how the resonance structures of different organic groups contributes to their relative acidity even though the same
element acts as the proton donor. When evaluating conjugate bases for the presence of resonance contributors, remember to look for
movable electrons (lone pairs and pi bonding electrons). Delocalizing electrons over two or more atoms spreads out the electron density,
increasing the stability of the conjugate base, and increasing the acidity of the corresponding acid. A classic example compares the relative
acidity of ethanol and acetic acid, but the conclusions we reach will be equally valid for all alcohol and carboxylic acid groups. Despite the
fact that they are both oxygen acids, the pK, values of ethanol and acetic acid are very different.

.o .o

O: 0:
/ /
H3C—C\ —_— Hsc—C\ + OHt
:O—H : O(?
acetic acid acetate
pK,=4.8 anion
HsCH,C—O: __ -Q
8 2 \H B — H3CH2C_O : + H+
ethanol ethoxide
pK, =16 anion

In both species, the negative charge on the conjugate base is held by an oxygen, so periodic trends cannot be invoked. For acetic acid,
however, there is a key difference: a resonance contributor can be drawn in which the negative charge is drawn on the second oxygen of the
group. The two resonance forms for the conjugate base are equal in energy, according to our ‘rules of resonance’ (Section 2.5). What this
means is that the negative charge on the acetate ion is not located on one oxygen or the other: rather it is shared between the two. Chemists
use the term ‘delocalization of charge’ to describe this situation. In the ethoxide ion, by contrast, the negative charge is ‘locked’ on the
single oxygen. This stabilization leads to a markedly increased acidity.

The delocalization of charge by resonance has a very powerful effect on the reactivity of organic molecules, enough to account for the
difference of nearly 12 pK, units between ethanol and acetic acid (and remember, pK, is a log expression, so we are talking about a
difference of over 1012 between the acidity constants for the two molecules). The acetate ion is much more stable than the ethoxide ion, due
to the effects of resonance delocalization.

The effects of conjugation can be seen when comparing the electrostatic potential maps of ethanol and acetic acid. Conjugation creates a
greater polarization in the O-H bond in acetic acid as shown by its darker blue color.

H\62 o
e oH he & _w
e ol
H HH
ethanol acetic acid

WHY IS PHENOL ACIDIC?
Compounds like alcohols and phenol which contain an -OH group attached to a hydrocarbon are very weak acids. Alcohols are so weakly
acidic that, for normal lab purposes, their acidity can be virtually ignored. However, phenol is sufficiently acidic for it to have recognizably
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acidic properties - even if it is still a very weak acid. A hydrogen ion can break away from the -OH group and transfer to a base. For
example, in aqueous solution:

:aH oe

+OH0: ——= + 0@

phenoxide
on
Since phenol is a very weak acid, the position of equilibrium lies well to the left. However, phenol can lose a hydrogen ion because the
phenoxide ion (or phenolate ion - the two terms can be used interchangeably) formed is stabilized due to resonance. The negative charge on
the oxygen atom is delocalized around the ring since one of the lone pairs on the oxygen atom can be in a p orbital and overlap with the pi
electrons on the benzene ring.

= ® . ® ®
:OH :OH :OH :OH
phenol @ ‘ ‘ modest stabilization
— (@

+ base

phenolate © i . . strong stabilization
anion - @ . °

This overlap leads to a delocalization which extends from the ring out over the oxygen atom. As a result, the negative charge is no longer
entirely localized on the oxygen, but is spread out around the whole ion. Spreading the charge around makes the ion more stable than it
would be if all the charge remained on the oxygen. However, oxygen is the most electronegative element in the ion and the delocalized
electrons will be drawn towards it. That means that there will still be a lot of charge around the oxygen which will tend to attract the
hydrogen ion back again. That is why phenol is only a very weak acid.

This explains why phenol is a much stronger acid than cyclohexanol. As can be seen in the following energy diagram, resonance
stabilization is increased for the conjugate base of phenol vs. cyclohexanol after removal of a proton.

im

<

resonance

0@ stabilization
cyclohexanal o phanchate
phenal

resonance
stabilizationri™
of phenal

The resonance stabilization in these two cases is very different. An important principle of resonance is that charge separation diminishes the
importance of contributors to the resonance hybrid. The contributing structures to the phenol hybrid all suffer charge separation, resulting in
very modest stabilization of this compound. On the other hand, the phenolate anion is already charged, and the canonical contributors act to
disperse the charge, resulting in a substantial stabilization of this species. The conjugate bases of simple alcohols are not stabilized by
charge delocalization, so the acidity of these compounds is similar to that of water. An energy diagram showing the effect of resonance on
cyclohexanol and phenol acidities is shown on the right. Since the resonance stabilization of the phenolate conjugate base is much greater
than the stabilization of phenol itself, the acidity of phenol relative to cyclohexanol is increased. Supporting evidence that the phenolate
negative charge is delocalized on the ortho and para carbons of the benzene ring comes from the influence of electron-withdrawing
substituents at those sites.

ACIDITY OF HYDROGEN A (ALPHA) TO CARBONYL

Alkyl hydrogen atoms bonded to a carbon atom in a a (alpha) position (directly adjacent) relative to a C=0 group display unusual acidity.
While the pKa values for alkyl C-H bonds in is typically on the order of 40-50, pKa values for these alpha hydrogens is more on the order of
19-20. This is almost exclusively due to the resonance stabilization of the product carbanion, called an enolate, as illustrated in the diagram
below. The effect of the the stabilizing C=0 is seen when comparing the pKa for the a hydrogens of aldehydes (~16-18), ketones (~19-21),
and esters (~23-25).
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3. INDUCTIVE EFFECTS

The inductive effect is an experimentally observed effect of the transmission of charge through a chain of atoms in a molecule, resulting in a
permanent dipole in a bond. For example, in a carboxylic acid group the presence of chlorine on adjacent carbons increases the acidity of
the carboxylic acid group. A chlorine atom is more electronegative than hydrogen, and thus is able to ‘induce’, or ‘pull’ electron density
towards itself, away from the carboxylate group. This further spreads out the electron density of the conjugate base, which has a stabilizing
effect. In this context, the chlorine substituent is called an electron-withdrawing group. Notice that the pK,-lowering effect of each
chlorine atom, while significant, is not as dramatic as the delocalizing resonance effect illustrated by the difference in pK, values between
an alcohol and a carboxylic acid. In general, resonance effects are more powerful than inductive effects.

-t /O

Cl-CH,-C.©

& & \v
(e]

negative charge is delocalized by being pulled out onto chlorine atom

Compare the pK, values of acetic acid and its mono-, di-, and tri-chlorinated derivatives:

H O H H O ¢ H O c H O c
NI NI NI NI
0—C—C—H 0—C—C—H o—c—c—ci 0—C—¢—¢
H H H cl
pK, =438 pK,=2.8 pK, =13 pK, = 0.64

The inductive effects of chlorine can be clearly seen when looking at the electrostatic potential maps of acetic acid (Left) and trichloroacetic
acid (Right). The O-H bond in trichloroacetic acid is highly polarized as shown by the dark blue color. This illustrates that tricholoracetic
acid is a much stronger acid than acetic acid.

9 i
Il
H\ /c\ /H H\O/C\C/CI
O IQ 4~
Hh cl ¢

acetic acid trichloroacetic acid

Because the inductive effect depends on electronegativity, fluorine substituents have a more pronounced pKg-lowering effect than chlorine

substituents.
Cl O F O
1l /I-| |1l /|-I
Cl—¢=C-0 F—C—C—0
|
Cl E
trichloroacetic acid trifluoroacetic acid
pK, =0.64 pK, =-0.25

In addition, the inductive takes place through covalent bonds, and its influence decreases markedly with distance — thus a chlorine two
carbons away from a carboxylic acid group has a decreased effect compared to a chlorine just one carbon away. 2-chloropropanoic acid has
a pK, of 2.8 while for 3-chloropropanoic acid, the pK, is 4.0.
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H Cl O H ClH O H
| |
H—(I:—(l:—C—O H—(I:—(I3—C—O
H H H H
2-chloropropanoic acid 3-chloropropanoic acid
pK,=2.8 pK, = 4.0

stronger acid

Alkyl groups (hydrocarbons) are weak inductive electron donators. In this case the inductive effect pushes electron density onto the
conjugate base, causing the electron density to become more concentrated and producing a destabilizing effect.

+—>/O
6 6 \»
O

more negative charge pushed towards already negative end

The inductive effects of alkyl groups causes a significant variation in the acidities of different carboxylic acids. Notice that the inductive
effect drops off after the alkyl chain is about three carbons long.

pPK,
HCOOH (Methanoic Acid or Formic Acid) 3.75
CH;3COOH (Ethanoic Acid or Acetic Acid) 4.76
CH;3CH,COOH (Propanoic Acid) 4.87
CH3CH,CH,COOH (Butanoic Acid) 4.82

4. ORBITAL HYBRIDIZATION

The hybridization of an orbital affects its electronegativity. Within a shell, the s orbitals occupy the region closer to the nucleus than the p
orbitals. Therefore, the spherical s orbitals are more electronegative than the lobed p orbitals. The relative electronegativity of hybridized
orbitals is sp > sp? > sp° since the percentage of s-character is decreasing as more p-orbitals are added to the hybrids. This trend indicates
the sp hybridized orbitals are more stable with a negative charge than sp® hybridized orbitals. The table below shows how orbital
hybridization influences relative acidity.

compound conjugate base hybridization s character pKa
oy i
=== H_‘f_‘f% sp® 25% 50 weakest acid
H H H OH
H H H
N/ @D
c=C >c:c\ sp? 33% 44 !
H H H H
NHy S, 36 !
- o
H—C=C—H H—c=C<D sp 50% 25 !
ROH RS® 16 strongest acid

COMPARING THE STRENGTHS OF WEAK BASES

Technically, organic bases are characterized by the presence of an atom with lone pair electrons. These lone pairs contain a high electron
density, which is shown red in the electrostatic potential maps, and can bond to H*. Below are the maps of methanol, methyl amine, and
acetone. All three compounds can be protonated with a sufficiently strong acid. Note, that all three of these compounds also have the ability
to donate a proton when reacted with a strong enough base. Whether these compounds act as a acid or base depends on the conditions.
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methylamine methanol acetone

It is common to compare basicity's quantitatively by using the pKj's of their conjugate acids rather than their pKy's. Since pK, + pKy = 14,
the higher the pK, the stronger the base, in contrast to the usual inverse relationship of pK, with acidity. Recall that ammonia (NH3) acts
as a base because the nitrogen atom has a lone pair of electrons that can accept a proton. The conjugate acid of most simple alkyl amines
have pK,'s in the range 9.5 to 11.0, and their water solutions are basic (have a pH of 11 to 12, depending on concentration). This can be
illustrated by the reaction below where an amine removes a proton from water to form substituted ammonium (e.g. NH4") ions and
hydroxide (OH") ions:

. R fl'l

\'N/ Ic)
I +  H,0 H— [l\j—H + eOH
R H

Amines are one of the only neutral functional groups which are considered basic. This is a direct consequence of the presence of the
unshared electron pair on the nitrogen. The unshared electron pair is less tightly held by the nitrogen of an amine than the corresponding
oxygen of an alcohol, which makes it more available to act as a base. As a specific example, methylamine reacts with water to form the
methylammonium ion and the OH" ion.

H
HaC o H |
N ®
| +  HO HC—N=H Son
H H

v/ EXAMPLE: AMMONIA

All of the have similarities to ammonia and so we'll start by looking at the reason for its basic properties. For the purposes of this topic,
we are going to take the definition of a base as "a substance which combines with hydrogen ions (protons)". We are going to get a
measure of this by looking at how easily the bases take hydrogen ions from water molecules when they are in solution in water.

Ammonia in solution sets up this equilibrium:
NH;+ H,O =NH,/ +OH"~ (2.10.1)

An ammonium ion is formed together with hydroxide ions. Because the ammonia is only a weak base, it doesn't hang on to the extra
hydrogen ion very effectively and so the reaction is reversible. At any one time, about 99% of the ammonia is present as unreacted
molecules. The position of equilibrium lies well to the left.

The ammonia reacts as a base because of the active lone pair on the nitrogen. Nitrogen is more electronegative than hydrogen and so

attracts the bonding electrons in the ammonia molecule towards itself. That means that in addition to the lone pair, there is a build-up of
negative charge around the nitrogen atom. That combination of extra negativity and active lone pair attracts the new hydrogen from the

water.
6 B H
He - _H .. ®
ot @.
W+ 0Ny === H-NTH + You
b H

When looking at the table below, it is clear that the basicity of nitrogen containing compounds is greatly influenced by their structures. The
variance in the basicity of these compounds can mostly be explained by the effects of electron delocalization discussed above.

Table 2.9.1: pKa of conjugate acids of a series of amines.
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Compound OH O/K‘Hz C,{{_H H— NiH | j ©/ e /©/NHZ E§ )CJ)\ H,C—C=N:
H N ON R ThH,

2

pK, 11.0 10.7 10.7 9.3 512 4.6 1.0 0.0 -1.0 -10.0

INDUCTIVE EFFECTS IN NITROGEN BASICITY
Alkylamines are more basic than ammonia since alkyl groups donate electrons to the more electronegative nitrogen. This inductive effect
makes the electron density on the alkylamine nitrogen greater than the nitrogen of ammonium. That means that there will be a small amount
of extra negative charge built up on the nitrogen atom. That extra negativity around the nitrogen makes the lone pair even more attractive
towards hydrogen ions. Correspondingly, primary, secondary, and tertiary alkyl amines are more basic than ammonia.

HaG =N
H>
methyl group pushes electron density toward the nitrogen, making it more basic

Making the nitrogen more negative helps the lone pair to pick up a hydrogen ion. What about the effect on the positive methylammonium
ion formed? Is this more stable than a simple ammonium ion? Compare the methylammonium ion with an ammonium ion:

H
+—>| |®
H3C—NQH HaC—N—H
o |
H H
CHs group

pushes electron
density toward
nitrogen
In the methylammonium ion, the positive charge is spread around the ion by the "electron-pushing" effect of the methyl group. The more
you can spread charge around, the more stable an ion becomes. In the ammonium ion there is not any way of spreading the charge.

To summarize:

e The nitrogen is more negative in methylamine than in ammonia, and so it picks up a hydrogen ion more readily.
e The ion formed from methylamine is more stable than the one formed from ammonia, and so is less likely to shed the hydrogen ion
again.

Taken together, these mean that methylamine is a stronger base than ammonia.

Compound pKa
NH3 9.3
CH3NH2 10.66
(CH3)2NH 10.74
(CH3)3N 9.81

RESONANCE EFFECTS IN NITROGEN BASICITY

The resonance effect also explains why a nitrogen atom is basic when it is in an amine, but not significantly basic when it is part of an
amide group. While the lone pair of electrons in an amine nitrogen is localized in one place, the lone pair on an amide nitrogen is
delocalized by resonance. The lone pair is stabilized by resonance delocalization. Here’s another way to think about it: the lone pair on an
amide nitrogen is not available for bonding with a proton — these two electrons are too stable being part of the delocalized pi-bonding
system. The electrostatic potential map show the effect of resonance on the basicity of an amide. The map shows that the electron density,
shown in red, is almost completely shifted towards the oxygen. This greatly decreases the basicity of the lone pair electrons on the nitrogen
in an amide.
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R—NH, L.
. ‘o
amine )J\
PpKa of conjugate acid ~ 11 R NH,
amide

PK, of conjugate acid ~ -1

Aniline, the amine analog of phenol, is substantially less basic than an amine (as evidenced by the pKj, of the conjugate acids).

cyclohexylamine aniline
PK, of conjugate acid ~ 10 PK, of conjugate acid ~ 5

We can use the same reasoning that we used when comparing the acidity of a phenol to that of an alcohol. In aniline, the lone pair on the
nitrogen atom is stabilized by resonance with the aromatic pi system, making it less available for bonding and thus less basic.

: N";z_) ﬁHz (’?Hz ﬁHz
e ey
SISt AR

lone pair is stabilized through resonance

In these cases, you seem to be breaking the same oxygen-hydrogen bond each time, and so you might expect the strengths to be similar. The
most important factor in determining the relative acid strengths of these molecules is the nature of the ions formed. You always get a
hydronium ion - so that's constant - but the nature of the anion (the negative ion) varies markedly from case to case.

EXERCISES

? EXERCISE 2.9.1

Select the more basic from each of the following pairs of compounds.
O
SN Or )L
N NH,
©)

|
(b)/NH or NaOH

Answer
a) H The lone pair of electrons on the amide nitrogen are less available to react with a proton.

(b) NaOH -- The hydroxide has a negative charge with three lone pairs of electrons that can react with a proton.

The 4-methylbenzylammonium ion has a pK, of 9.51, and the butylammonium ion has a pK, of 10.59. Which is more basic? What's the
pK}, for each compound?

Answer

@ 0 @ 2.9.10 https://chem.libretexts.org/@go/page/474106


https://libretexts.org/
https://creativecommons.org/licenses/by-sa/4.0/
https://chem.libretexts.org/@go/page/474106?pdf

LibreTextsw

The butylammonium is more basic. Remember that pK,+pK, = 14. The pKp for butylammonium is 3.41, the pKy for 4-
methylbenzylammonium is 4.49.

QUESTIONS
Q2.10.1

Determine which of the one of the molecules is an acid or a base.
CHs o)

o) CH, HsC OH

1 2

OH

3 4

SOLUTIONS
S2.10.1

1 = Base

2 = Acid
3=Acid

4 = Acid
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