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2 Introduction to How Medicines Work

2.1 What are medicines?

How can a medication exert its effect on the body? How a medication ”know”
the way to the site of action? Why do we have so many different formulation?
These questions can be answered, but not in an easy way. We first need to know
what medicines are and their principles.

Most commonly used formulations of medicines are tablets or capsules, al-
though there are virtually countless other formulations, designed specifically for
each disease or simply to achieve certain desired pharmacokinetic properties.

There are two main ingredients in a drug formulation: active and non-active.

• The active ingredients, or the drugs, are usually developed to interact with
specific proteins to exert their therapeutic effects. The drugs can reach
the target site via the bloodstream or can be applied directly.

• The non-active ingredients, although not contributing to the drug’s thera-
peutics, provide a practical and efficient means of transporting the drugs.
These ingredients may play an important role in altering a medicine’s
pharmacokinetics, extended-release for instance.

2.2 The principles

We use the acronym ADME(T) to describe the four most important principles
of medications:

• Absorption

• Distribution

• Metabolism

• Elimination

• Toxicity

Given this simple example: When an athlete is injured with a sprained an-
kle, we try giving him some Nurofen. After 3 hours, he no longer feels the pain
and is able to play sport again.

When the Nurofen tablet is swallowed, it reaches the stomach, disintegrates
into small lumps of drugs, and dissolves into individual drug molecules. This is
the Absorption phase.

Drug molecules are absorbed in the stomach and the intestine into the blood-
stream. The drug is now everywhere in the body, however, its effect is only
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observed at the sprained ankle since there are specific pain modulators present
on site. This is the Distribution phase.

The liver has specific enzymes that can convert the drug molecules into dif-
ferent compounds. The drug, despite being deliberately administered into the
body, is still considered a foreign substance which needs to be removed. The
compounds that the liver makes from the original drug, called metabolites, can
be eliminated from the body by the kidney or via fecal matter. These are the
Metabolism and Elimination phases.

We sometimes consider Toxicity as a part of drug action process. Drug tox-
icity can be from either the drug itself, or its metabolites.

Of course ADME can be applied to many more complicated cases, systemat-
ically, even for locally applied medicines, controlled-released formulations, etc.
The physicochemical properties of the drug molecules heavily determine ADME
of the medication.
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3 Chemical bonds, structures and shapes

Most pharmaceutical products are organic compounds, so they have certain or-
ganic ”structures”. These structures determine how the drug interact with its
target.

A structures is made of atoms, each consists of a nucleus at the core and
orbiting electron(s). These electrons make bonds to link the atoms together to
make a framework which has definite physicochemical properties. There are a
few different types of bonds though, depending on the nature of each atom’s
electron shell, which will be discussed later in this chapter.

3.1 The electron clouds - Orbitals

Assumed that we all know the planetary electron model developed by Ernest
Rutherford or by Niels Bohr, this is true in some special cases but not applicable
to many complex situations. We need to know that there is another well-defined
electron model: the orbitals.

An orbital is the space where there is 90-95% chance of observing
the electron (or you can say the electron spends 90-95% of its time
in that space). The orbital shapes are determine by plotting the
square of the wave function (ψ2) onto a 3-dimensional space.

There are two main orbital shapes, commonly used in organic chemistry:

• The s orbital: spherical

• The p orbital: strange-looking dumbbell

We will encounter the concept of orbitals again later in this chapter.

3.2 Lewis structure and valence bond theory - Covalent
bonds

In chemistry, the valance, or outermost shell is the only and most important
since it shows the reactivity of an element (the inner shells are too stable to be
contributing in any chemical reaction).

The Lewis structure depicts the valance shell by showing all electrons in that
shell using dots, each dot for an electron. For example, the chlorine atom can

be drawn as Cl or Cl for a full valance shell. The double dots can be replaced
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with a line, thus there is another way to draw chlorine atom: Cl .

Such bond is called sigma (σ) bond. This bond connects directly the two
atoms, meaning the electrons forming the bonds are at between the atoms, and
can be rotated without breaking them (imagine a dough roller with two ends
are the atoms).

With the example of HCl, back to the orbitals, the 1s orbital of H atom
overlaps with the 2px orbital of Cl atom to form a σ bond:

Majority of nonmetallic atoms in organic compounds connect to each other
using covalent bond, meaning two atoms share certain number of electrons to
form a bond to reach an octet (eight electrons in the valence shell). Why eight?
We know that noble gas neon 20

10Ne is stable since the outer shell has reached
eight electrons (the shell is saturated and is not like to react). Other atoms
in the same row of the periodic table have the tendency toward 20

10Ne electron
configuration to reach its stablest state, thus explaining the octet. This is the
foundation of valence bond theory.

Electron pairs (pairs of dots) are more stable than unpaired electron (single
dots) due to its spin energy (quantum theory), therefore two atoms are most
likely to use two single electrons to form a bond, one electron form each atom.
A simple diagram hopefully will explain:

H + Cl H Cl

We can see here the hydrogen and chlorine atom both share a single electron
to form a shared bond. Hydrogen reaches the 4

2He’s electron configuration (a
noble gas) 1, and chlorine reaches 20

10Ne’s electron configuration (another noble
gas). Again, a pair of electron and be replace with a line:

H + Cl H Cl

Depending on the atom, each should have a certain number of bonds they
can form with other atoms:

H

One bond with no lone pairs

F

One bond with three lone pairs

O

Two bonds with two lone pairs

1not every atom should reach neon’s configuration. A simple rule: an atom will reach the
noble gas’ configuration closest to it in the periodic table.
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N

Three bonds with one lone pair

C

Four bonds with no lone pairs

The lone pairs are not at all useless, but contribute further to functional
groups’ reactivity, thus should be drawn whenever there is a related reaction,
e.g. acid-base reaction.

3.3 How to draw chemical structures

Lewis structure

We have been introduced with Lewis structure, though the first does not mean
the simplest. To draw a huge amount of dots is not practical, especially with
larger molecules. Lewis structure should solely be used for theoretical purposes.

Line-bond structures - Kekule structures

By replacing the paired dots connecting the two atoms, and by eliminating the
irrelevant lone pairs (not contributing to reactions), we can draw the structure
more efficiently:

H C

H

H

Cl to be H C

H

H

Cl or H3C Cl

Skeletal structures - Stickmen

The most efficient way of drawing organic structures is to draw skeletal struc-
tures. This requires the removal of writing H and C (in the carbon framework):

C

H H

Figure 1: The visualization of non-depicted
hydrogen atoms in a simple skeletal structure.

• C atoms become the intersection of two lines or where the line ends
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• H atoms are not shown, but since all C atoms have four bonds, the number
of H atoms on a specific C atom should be calculated as: Number of H =
4−Number of lines connected. (Figure 1)

• H connecting to atoms other than C should be shown, e.g. NH2, OH.

• Sometimes there are groups of atoms (functional groups) which should be
shown together, e.g. COOH

3.4 Hybridization

Some atoms can form bonds without undergoing hybridization, but many can-
not. Hybridization occurs in order to achieve a more favorable energy state for
the atoms and subsequently, the molecule. This can be explained by this simple
energy diagram:

E

2s

2pz2py2px

Hybridization

Figure 2: The mixing (hybridization) of the 2s and
2p orbitals to achieve lower overall energy.

Given that the C atomic electron configuration is 1s22s22p2, the fusion be-
tween the 2s and the 2p orbitals forms 4 identical orbitals with lowered energy
compared to one 2s orbital and three 2p orbitals.

Hybridization

Figure 3: Hybridization of one 2s orbital and three
2p orbitals results in four identical sp3 hybrid

orbitals.

There are three basic hybridization forms: sp3, sp2, and sp.

sp3 hybridization

We have been introduced with sp3 hybridization in figure 3. The superscript
number 3 shows that the hybridization if made from one s orbital and three p
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orbital.

The four newly-created hybrid orbitals each contains one unpaired electron
(since activated C atom has 4 unpair electrons), ready to form 4 σ bonds. They
can only form σ bonds since the overlap is head-to-head (you will learn about
side overlapping in the next type of hybridizations).

How about non-carbon atoms, such as 14
7N or 16

8O? Of course they can still
undergo hybridization, but some hybrid orbital will have a pair of electron rather
an unpair electron:

E

2s

2pz2py2px

Hybridization

Figure 4: The sp3 hybridization of the Oxygen atom
(168O). Notice that a new orbital has an electron

pair, resulting from the pair initially resides in the
2pz orbital.

The final three dimensional of an sp3 hybridization is a tetrahedral, with
bond angle of 109.5◦. To draw a 3D configuration, we use a solid wedge to show
a closer (to us) atom, and a dashed wedge to show farther (from us) atoms:

H

H

H

H

Figure 5: The solid wedge depicts atoms closer to us,
and the dashed wedge depicts atoms farther from us.

sp2 hybridization

As the name suggested, this type of hybridization requires one s orbital and two
p orbitals. These three new form a triangular plane with bond angle of 120◦.
If the px and py orbitals are used, the plane formed is called xy. Since not all
p orbitals undergo hybridization, the unused orbital remains a pz orbital and
positions perpendicularly to the xy plane.
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Hybridization

Figure 6: Hybridization of one s orbital and two p
orbitals results in three identical sp2 hybrid orbitals.
The remaining p orbital lies perpendicularly to the

hybridized orbitals.

The final 3D configuration should look like this:

H

H

H

H

H

Figure 7: Three dimensional configuration of sp2

hybridization

The electron in non-hybridized p orbital form bonds in a different fashion
compared to σ bonds. Since the orientation of this orbital is not optimal for
head-to-head over lap, two parallel p orbitals can undergo side overlapping. Such
bond is called π bond. They are less stable than σ bond due to its ineffective
overlapping:

A double double bond consists of one σ bond and one π bond. Many ques-
tions will ask you to count the number of bonds, and it is important to know
that a double bond actually consists of two bond types, not just one π bond.

Figure 8: The σ bond is created from twosp2

orbitals (red). The π bond is created from two pz
orbitals (black).

Imagine π bond forms a plane, it is intuitive to know that this bond cannot
be rotated without breaking.
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sp hybridization

Similarly, the last basic hybridization type employs one s orbital and one p
orbital to form two linear hybridized sp bonds. The two remaining p orbitals
lie perpendicular to each other and to the sp hybridized orbitals.

Hybridization

Figure 9: Hybridization of one s orbital and one p
orbitals results in three identical sp2 hybrid orbitals.
The remaining two p orbitals lie perpendicularly to

the hybridized orbitals and to each other.

The final 3D configuration should look like this:

H

H

H

H

H

H

Figure 10: Three dimensional configuration of sp
hybridization

The sp hybridized atoms are capable of forming triple bonds, which consist
of one σ bond and two π bonds. Again, one triple bond actually consists of three
individual bonds, so please be careful while counting the number of bonds.

3.5 Electronegativity and polarity of bonds

Electronegativity (symbol χ) is the ability of an atom to attract the electrons to-
wards itself. Electronegativity is shown as a numerical value, expressed relative
to that of the most electronegative element, fluorine, whose value is arbitrarily 4.

Due to the differences in electronegativities of different atoms, the electrons
in a bond may not distribute evenly. This is called polarity, and such bond is
called polar covalent bond. The electrons in a bond are more attracted towards a
more electronegative atom, causing a partial negative charge (δ−) on that atom
and simultaneously, a partial positive charge (δ+) on the other atom.
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δ+

H
δ−
Cl

Figure 11: Polar covalent bond. Electrons are
attracted toward the Cl atom due to its higher
electronegativity, causing a δ+ at the H atom.

For practical purposes, the difference between two electronegativity values
(∆χ) should be significant to be considered polar:

• ∆χ less than 0.4 is considered to be non-polar.

• ∆χ from 0.5 to 1.7 are considered polar covalent.

• ∆χ greater than 1.7 is considered ionic. This means one atom has a full
extra electron from the other atom, resulting in not a partial charge, but
a full charge.

⊕
Na

	
Cl

Figure 12: Cl has a significantly greater
electronegativity comparing to Na, thus ”steal” one
full electron from Na atom, leading to a full negative

charge on Cl and full positive charge on Na. The
two atoms bond to each other by static force

(opposite charges).

Although C and H have different electronegativity values, the C-H bonds
are still considered non-polar since the difference is not significant.

The polarity of a polar covalent bond can be shown using a dipole arrow,
moving from δ+ to δ−:

δ−
O

δ+

H

Each dipole contributes to the overall polarity of the molecule, which can be
calculate from the vector sum of all the individual bond dipoles and lone pair.
The net molecular polarity is measured by a quantity called the dipole moment
µ. This is defined as the magnitude of the partial charge Q at either end of
the overall molecular dipole multiplied by the distance r between the charges:
µ = Q× r.

You will not get to know how to calculate complex dipole moment, however,
there is a simple rule: if a molecule is symmetrical in some way, it is likely to
have a dipole moment of 0. For example:

Cl

Cl

Cl

Cl
O C O
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Although the C-Cl and C-O bonds are polar, the symmetry of the whole molecule
eliminates the overall polarity.

The polarity of a molecules also predicts the solubility in water (a polar
solvent), but is not the only factor.

“A rule to be used cautiously: polar molecules are soluble in polar solvent,
and non-polar molecules are soluble in non-polar-solvent.”

3.6 Charges

Up to now we are still arranging the atoms in such a way that each element has
an appropriate number of bonds (C has four bonds, N has three, O has two,
and H and halogens have one). However, we may encounter such cases:

H

N

H

H

H

Ammonium

The center N atom has four bonds, how can this be possible? In fact, the
above molecule is made from one ammonia molecule (NH3) and one proton
(H+). The final product should have a positive charge. Precisely, the N atom,
which has an abnormal number of bonds, has a formal charge of +1.

H

⊕
N

H

H

H

Ammonium

So how do we find formal charges of an atom in a molecule?

• Identify atoms with abnormal number of bonds, can be more or fewer

• Calculate the formal charge by using the following formula:

FC = Nvalence electron in free atom−
Nbonding electron

2
−Nnonbonding electron

Back to ammonium, we have:

• N has five electron as a free atom
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• There are eight electron contributing to bonding (four bonds, each has
two)

• N had no nonbonding electrons

Thus using the formula, we have:

FCN = 5− 8

2
− 0 = +1

Not just that, some structures may have multiples atoms with formal charge.
For instance:

R
⊕
N

O

	

O

Nitro functional group

It is fairly easy to recognize that the N and O atoms both have obscure
number of bonds. We again calculate the formal charge of each atom using the
formula:

FCN = 5− 8

2
− 0 = +1

FCO = 6− 2

2
− 6 = −1

Easy enough right? This can be confidently apply to other cases as well.
Now let us move on to the most challenging basic concept in organic chemistry:
resonance.

3.7 Resonance - Electron delocalization

Why do we need resonance structures?

So far we have learnt how to draw organic substances in skeletal structures and
how to assign formal charges to certain atoms. However, one problem arises
from drawing compounds this way. Let us go through a few:

R
⊕
N

O

	

O

R
⊕
N

O

	

O

Figure 13: Example 1: Which O atom should get
the formal charge, left or right?
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R R

Figure 14: Example 2: How should we draw phenyl
group, left or right?

The answer should be obvious, but counterintuitive: the two O atoms both
share the formal charge (first example), and all the C-C bonds in the ring are
identical to each other. The phenomenon can be observed by measuring the
electron density in individual atom on the compound. This concludes that
neither of the two structures for each example truly depicts the real structure
(we call these unreal structure resonance forms). The real structure is the
hybrid of the two structures above, a resonance hybrid. Bear in mind that
the real substance does not switch from one resonance form to another, rather
exist as a resonance hybrid. The reason we sometimes do not draw structures
as resonance hybrids is practical representation, and as we assume so.

R

Figure 15: The ”real” phenyl structure

Rules to drawing resonance

This section is adapted and simplified from Organic Chemistry by John Mc-
Murry2.

Rule 1. Resonance forms are not real. Although a compound may have
several resonance forms, they only depicts the movement of electrons (we they
may go in the molecule).

Rule 2. The relative positions and the hybridization of the atoms in a
molecule are unchanged. Only the positions of π bonds and free electrons

2McMurry, J. (2010). Organic chemistry (pp. 37-39). Belmont, CA: Cengage Brooks/Cole.
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change.

Rule 3. Different resonance forms do not have to be equivalent. Equivalent
means the same (such as the example of nitro group). They can be different
and still contribute to the set of resonance forms.

Rule 4. Valance bond theory, or the octet theory, is still applied.

C

	
C

O

O

Not a valid resonance form

Rule 5. The larger the number of resonance forms, the more stable a sub-
stance is, due to the ”spreading” of electrons throughout the molecule.

Some additional rules I found useful when studying resonance:

Rule 6. The charges follow the flow of the electrons. If an atom loses elec-
tron(s), the charge changes toward positive (negative to neutral or neutral to
positive), and vice versa.

Rule 7. Electrons may not pass a distance of two atoms or more.

How to draw resonance

We use a double headed, usually curved, arrow (→) to depict the movement of
a pair of electrons (not to be confused with a single headed arrow (⇀) which
depicts a single electron). The tail shows where the electrons start, and the
head shows where the electrons stop.

Example:

Cl

–©

Cl+©

–©

Cl+©
Cl+©

–©
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Implication

Resonance can help us predict certain physicochemical properties of a com-
pound. Below are some common examples, but not limited to, on what we can
imply from resonance:

Stability. The more delocalized the charges (or electrons), the stabler the
compound. We do not want the charges to be localized in one atom.

Reactivity. The stabler the compound, the lower reactivity. We can pos-
sibly, if not always, use this in acid-base theories and other organic reaction
mechanism.
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4 Functional groups and their intermolecular forces

4.1 What is a functional group?

It can be an atom, or a group of atoms, that has distincttive reactivity.

Examples:

• The benzene ring has aromatic properties with little additive property
despite having double bonds. This should make the benzene ring a dis-
tinctive ”reaction group”.

Benzene

• The carboxylic acid is ”composed” from one carbonyl group and one hy-
droxyl group, but possesses reactivity of an acid which is not present in the
other two. This should make the carboxylic acid a distinctive ”reaction
group”.

R C

OH

O

Carboxylic acid

These functional groups contribute prominently to the compound’s overall
physicochemical properties, reactivity, metabolism, and bioactivity.

4.2 Functional groups in detail

These are definitely not all, but if you just want to study pharmacy, then this
should be more than enough.

Hydrocarbons

The name can refer to a class of organic compound made up of carbon (C) and
hydrogen (H) atoms. They can be the scaffold of the drug molecules, or in many
cases, they are involved in the drug’s therapeutics and act as a functional group.

The carbon frameworks exist in different form, can be branched, linear,
cyclic, saturated, unsaturated or aromatic. Despite being abundant in terms of
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structure, they are all non-polar, since electronegativity of C and H are similar.
This part of the molecule will be likely to interact with hydrophobic part of
target proteins.

Alcohols

Our common drinkable alcohol (C2H5OH) is an alcohol, but there are more to
it. The term refers to a chemical class with a hydroxyl functional group:

OH

Hydroxyl group

OH

Ethanol, or alcohol

Since the O-H bond is very polar (a dipole), it can interact with another hydroxyl
group. Imagine two magnets, with O atom is the north pole and H atom is
the south pole. The two magnets now will be attracted to each other. The
interaction is called hydrogen bond (since the interaction involves hydrogen),
and is a subtype of dipole-dipole interaction

O

CH3

H O

CH3

H

Hydrogen bond

Depending how many C atoms binding to C-OH, we classify the alcohol as
primary, secondary and tertiary:

CH3 CH2 OH

Primary

CH3 CH

CH3

OH

Secondary

CH3 C

CH3

CH3

OH

Tertiary

Ethers

Inserting an O atom in between two carbons gives us an ether group. There
are no special intermolecular forces involve with ether, apart from wear dipole-
dipole and Van de Waals forces.
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C1

O

C2

Ether

Amines

Quite similar to alcohols, replacing the O with an N gives us an amine functional
group. However, be careful since there are 3 bonds surrounding N instead of just
two as in alcohol. The amines can also be classified as primary, secondary and
tertiary as well, and also can form hydrogen bonds with neighboring molecules
(like alcohol).

CH3 NH2

Primary

CH3 HN CH3

Secondary

CH3 N

CH3

CH3

Tertiary

Amine has a lone pair of electron, thus can accept a proton. This makes amine
a Bronsted base. We will touch more on acid and base in the next chapter.

R

N

H

H

Amine

R

⊕
N

H

H

H

Aminium ion

Carboxylic acids

We was briefly introduced to the carboxylic acid at the beginning of this chapter.
It can donate a proton, thus make it a Bronsted acid.

R OH

O

Carboxylic acid

O

	
O

Carboxylate ion
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Since it has an O-H bond, it can form hydrogen bond with another carboxylic
group, especially we can have this dimer:

O

HO

O

HO

Dimer hydrogen bonding of carboxylic acid

Aldehydes and Ketones

Aldehyde and ketone both have a C=O moiety, though:

• Aldehyde has one H atom and one carbon chain attached to C=O

• Ketone has two carbon chains attached to C=O

R1

O

H

Aldehyde

R1

O

R2

ketone

Between these groups may have weak dipole-dipole force, but not hydrogen
bond.

Amides

Amide is considered a carboxylic acid derivative sue to its anatomical resem-
blance: just replace the O in hydroxyl group and we have an amide group.

R1

O

N

R2

R3

Amide, with R1, R2 and R3 are C or H
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5 Ionization, pH and pKa
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6 Solubility and dissolution
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7 Chemical stability mechanisms
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8 Chemical stability kinetics
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9 Drug absorption
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10 Alternative formulations and routes of ad-
ministration
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