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Ch. 1.1 

Topic: Intro to Organic Chem

EQ: Why is OChem one of the most 

important chemistry to study?

READ Ch 1.1 (pg. 1-2) then take notes



Did you ever WONDER…

what causes lightning?

Let’s read p. 1 together





Organic chemistry is the study of carbon and the 

study of the “chemistry of life”. 

• Since not all carbon reactions are organic, 

another way to look at organic chemistry would 

be to consider it the study of molecules 

containing the carbon-hydrogen (C-H) bond and 

their reactions.

FYI - Organic chemistry is required knowledge for anyone 

entering the health professions….so pay attention!!!

What is Organic Chemistry?



The main difference between organic and 

inorganic matter is organic compounds contain 

carbon and carbon-hydrogen bonds, while most 

inorganic compounds do not contain carbon.

• Organic compounds are produced by and are 

associated with living organisms. Inorganic 

compounds are created by non-living natural 

processes or human intervention. 

• Of the 10 million or so compounds that are 

known today, about 9 million of those are carbon 

containing compounds. Nearly everything you 

touch contains something organic. 

Organic vs Inorganic Chem



Organic vs. Inorganic



Organic Inorganic

CxHy (Hydrocarbon compounds) Water

CxHyOz (Sugars) Salts (Ionic Compounds)

Proteins CO2

Oils Metals

DNA Minerals

Fats

Organic vs. Inorganic



1. Medicine: Medicine is the prime store of organic 

compounds. Though not all but many drugs are made of 

organic substances. Like antibiotics, anticancer drugs, 

painkillers, anti-depressant, anesthetics, etc.

2. Food: Food materials are solely made of carbon 

compounds like carbohydates (CHO), proteins (NH2-

CH-COOH), fats (CH-COO-CH), alcohols (-COH) and 

most vitamins.

3. Cleansing agents: In industries and labs, organic 

solvents are widely used to clear of impurities. 

6 Important applications of organic chemistry:



Important applications of organic chemistry:

4. Sterilizing agents: disinfectants like phenol and 

formaldehyde.  Due to their properties like solubility 

and pH, pH they can kill microbes, bacteria, and even 

human body cells. 

5. Analytic substances: Most substances we use like 

drugs, pesticides, etc., are analyzed qualitatively and 

quantitatively using different types endpoint indicators 

in Acids/base titrations, chromatography techniques, 

and spectrophotometry. (Analytical Chemistry)

6. Valuables: Diamonds, graphite, petroleum. Interestingly 

the carbon compounds are found to be highly valuable, 

durable and hardest in the world.

6 Important applications of organic chemistry:



• What happens to a molecule during a reaction?

omolecules collide

o bonds are broken and bonds are made

• Chemists have learned how to direct electrons in 

chemical reactions. 

oAlthough OChem is literally defined as the 

study of compounds containing carbon atoms, 

its true essence is actually the study of 

electrons, not atoms. 

Flow of electrons



Rather than thinking of reactions in terms of the motion of atoms, 

we must recognize that reactions occur as a result of the motion 

of electrons. 

• For example, in the following reaction the curved arrows 

represent the motion, or flow, of electrons. This flow of 

electrons causes the chemical change shown:

Why do reactions, like the one above, occur?

• We will need at least 2 semesters of your time to answer this 

question

• FOCUS ON THE ELECTRONS

Flow of electrons



• Learn how, when, and why electrons flow during reactions. 

• Learn about the barriers that prevent electrons from 

flowing, and we will learn how to overcome those barriers. 

• Study the behavioral patterns of electrons, enabling us to 

predict, and even control, the outcomes of chemical 

reactions.

• Focus on the central role of electrons in forming bonds and 

influencing molecular properties.

• Prepare you for college Ochem and help you even further 

to obtaining that chem (or other science) degree!!

So buckle up and here we go!!!

Throughout this course, we will….



• Scientists classified all known compounds into two 
categories: Organic compounds were derived from living 
organisms (plants and animals), while inorganic 
compounds were derived from nonliving sources (minerals 
and gases).

• Organic compounds were difficult to isolate and purify, 
and upon heating, they decomposed more readily than 
inorganic compounds. 

• To explain these observations, many scientists subscribed 
to a belief that compounds obtained from living sources 
possessed a special “vital force” that inorganic compounds 
lacked. This notion, called vitalism, stipulated that it 
should be impossible to convert inorganic compounds into 
organic compounds without the introduction of an outside 
vital force. 

Early 19th century



• Vitalism was dealt a serious blow in 1828 when German 
chemist Friedrich Wöhler demonstrated the conversion 
of ammonium cyanate (a known inorganic salt) into urea, a 
known organic compound found in urine:

• Over the decades that followed, other examples were 
found, and the concept of vitalism was gradually rejected 
and a new definition emerged
• Organic compounds contain carbon atoms, while 

inorganic compounds generally lack carbon atoms.

(Seems easy, right?....hehehe) 

Early 19th century



Ch. 1.2 

Topic: Structural Theory of Matter

EQ: What are constitutional isomers 

and how do they change the properties 

of the same compound?

READ Ch 1.2 (pg. 3-4) then take notes



• In the mid 1800s, it was first suggested that 

substances are defined by a specific arrangement 

of atoms.

• Why is a compounds formula not adequate to 

define it?

Because compounds differ in the specific ways 

in which atoms are bonded together 

So, it does matter how AND who atoms are bonded together!

Arrangement of Atoms



Example - Consider the following two compounds:

These compounds have the same molecular formula (C2H6O), yet they 

differ from each other in the way the atoms are connected—that is, they 

differ in their constitution. 

As a result, they are called constitutional isomers. Constitutional 

isomers have different physical properties and different names. 

• 1st compound is a colorless gas used as an aerosol spray propellant

• 2nd compound is a clear liquid, commonly referred to as “alcohol,” 

found in alcoholic beverages.

Arrangement of Atoms



• Each element will generally form a predictable 

number of bonds.

• Atoms that are most commonly bonded to carbon 

include N, O, H, and halides (F, Cl, Br, I).

• With some exceptions, each element generally 

forms a specific number of bonds with other 

atoms

According to structural theory of matter….



Write out “Learn the skill” question
• We will practice the skill in class together after lecture

Question:  Draw all constitutional isomers that have the 

molecular formula C3H8O.

Skillbuilder 1.1 (p.3)

left side



Ch. 1.3 

Topic: Electrons, Bonds, and Lewis 

Structures

EQ: How are bonds held together?

READ Ch 1.3 (pg. 4-8) then take notes



Atoms are connected to each other by bonds. 

• That is, bonds are the “glue” that hold atoms together. But 

what is this mysterious glue and how does it work? 

We must focus on electrons.

• The existence of the electron was first proposed in 1874 by 

George Johnstone Stoney , who attempted to explain 

electrochemistry by suggesting the existence of a particle 

bearing a unit of charge. 

• Stoney coined the term electron to describe this particle. 

• In 1897, J. J. Thomson demonstrated evidence supporting 

the existence of Stoney’s mysterious electron and is credited 

with discovering the electron. 

Part 1: What are bonds?



In 1916, Gilbert Lewis (UC Berkeley) defined a 

covalent bond as the result of two atoms sharing a pair 

of electrons.

Example - Consider the formation of H2:

• From your AP Chem memory…what does this mean?

What are bonds?

ΔH = -436 kJ/mol



• When these electrons are shared to form a bond, there is a decrease in 
energy (or lose of heat), indicated by the negative value of ΔH. 

• The energy diagram below plots the energy of the two hydrogen atoms 
as a function of the distance between them.

• What do you notice above the curve on right vs left side? 

• How do potential energy and stability relate?

What are bonds?



Left side: 

• H atoms approach each other 
& several forces that must be 
taken into account: 

1. the force of repulsion 
between the two negatively 
charged electrons

2. the force of repulsion 
between the two positively 
charged nuclei

3. the forces of attraction 
between the positively 
charged nuclei and the 
negatively charged 
electrons. 

What are bonds?

Right side:

• H atoms separated by a large 
distance. 



• As the hydrogen atoms get closer to 
each other, all of these forces get 
stronger. 

• The electrons are capable of moving 
in to minimize the repulsive forces 
between them while maximizing their 
attractive forces with the nuclei. 

• Net force of attraction, which lowers 
the energy of the system. 

• As the hydrogen atoms move still 
closer together, the energy continues 
to be lowered until the nuclei achieve 
a separation (internuclear distance) 
of 0.74 angstroms (Å). 

• The lowest point on the curve 
represents the lowest energy (most 
stable) state. 

What are bonds?



• A review from General Chemistry

• Protons (+1 charge) and neutrons (neutral) reside in the nucleus

• Electrons (-1 charge) reside in orbitals or shells outside the nucleus.

• For a neutral atom, the number of protons is balanced by an equal

number of electrons.

• The first orbital, which is closest to the nucleus, can contain two 

electrons, second shell can contain up to eight electrons, third shell 

can contain up to 18 electrons, etc.

• The electrons in the outermost shell of an atom are called the 

valence electrons. 

• Valence electrons are our focus: because they involved in 

bonding!

Drawing Lewis Structures



• You can always calculate the number of valence electrons by 

analyzing the e- configuration. 

• Or, for Group A elements only, just look at the Group number 

on the periodic table (Group number = # of valence electrons)

Drawing Lewis Structures



Write out “Learn the skill” question
• We will practice the skill in class together after 

lecture

Question:  Draw the Lewis Dot structure of 

a) A boron atom

b) A nitrogen atom

Skillbuilder 1.2 (p.6)



A covalent bond represents a pair of shared electrons. 

Lewis devised a method for drawing structures, called Lewis Structures, 
where the electron takes center stage. 

1. Draw the individual atoms using dots to represent the valence electrons.

2. Put the atoms together so they share pairs (bonding) of electrons to 
make complete octets (atoms tend to bond in such a way so as to 
achieve the electron configuration of a noble gas = 8 v.e.) 

Example – NH3

• Note the nitrogen has a lone pair ( unshared or non bonding) of 
electrons

• PLEASE USE NAS this chapter!!! (Next chapter we will look at 
when NAS doesn’t work )

Part 2: Drawing Lewis Structures



• N (Needed): # of e- needed to form octets for all elements. 

• The # needed is 8. 

• Hydrogen is the exception, it needs only 2. 

• Boron needs 6

• A (Available): #of valence electrons available

• S (Shared):  Subtract the two numbers. S= N-A 

• Bond formed with two e-, so divide by two.  This tells you how many bonds 
to draw between the elements.

So…..now your ready to Draw the molecule. 

• Put first atom in formula in the center. 

• H’s are always outside. 

• Draw the bonds, then fill in the rest of the electrons (lone pair e-).

• Check to ensure all atoms have a full octet (8 e-).

Drawing Lewis Structures (Using NAS)



Write out “Learn the skill” question
• We will practice the skill in class together after 

lecture

Question:  Draw the Lewis structure of CH2O

Skillbuilder 1.3 (p.7)



Ch. 1.4 

Topic: Formal Charges

EQ: How is the formal charge of an 

atom in Lewis structure calculated?

READ Ch 1.4 (pg. 8-9) then take notes



A formal charge is associated with any atom that does not exhibit 

the appropriate number of valence electrons. When such an atom is 

present in a Lewis structure, the formal charge must be drawn. 

Identifying a formal charge requires two discrete tasks:

1. Determine the appropriate number of valence electrons for an 

atom.

2. Determine whether the atom exhibits the appropriate number of 

electrons.

We learned how to calculate it in AP.

Lets refresh…..

F.C. = [# of valence electrons] – [lone pair electrons + 1/2 the 

number of bonding electrons]

Formal Charge



• Consider the formal charge on the atoms in the structure below, 

and determine if any of the atoms should have a formal charge

• Carbon needs 4 valence electrons to be neutral (Group 4A)

• Carbon is surrounded by 8 electrons here, but it only owns 4 of 

them (1 from each of the bonds).

• Since carbon owns 4 electrons, and needs 4 electrons to be 

neutral, it does not have a formal charge.

Formal Charge (another way to determine) 



• Hydrogen needs 1 valence electron to be neutral (Group 1A)

• Hydrogen is surrounded by 2 electrons here, but it only owns 1 

of them (1 from each of the bonds).

• Since hydrogen owns 1 electron, and needs 1 electron to be 

neutral, it does not have a formal charge.

Formal Charge (another way to determine) 



• Oxygen needs 6 valence electrons to be neutral (Group 6A)

• Oxygen is surrounded by 8 electrons here, but it only owns 7 of 

them (1 from the bond, plus 3 lone pairs ).

• Since oxygen owns 7 electrons here, and needs 6 electrons to be 

neutral, it has an extra electron, and therefore has a -1 charge.

Formal Charge (another way to determine) 

We need to write a 
negative charge next
to the oxygen atom

-



Write out “Learn the skill” question
• We will practice the skill in class together after 

lecture

Question: Consider the nitrogen atom in the 

structure below and determine if it has a formal 

charge:

Skillbuilder 1.4 (p.8)



Ch. 1.5 

Topic: 3 Types of Bonds

EQ: How can we determine if a bond is 

polar or not ?

READ Ch 1.5 (pg. 9-12) then take notes



1. Nonpolar covalent

2. Polar covalent

3. Ionic

These 3 categories emerge from the electronegativity 

values of the atoms sharing a bond. 

• Electronegativity is a measure of the ability of an atom 

to attract electrons. 

3 Types of Bonds



Table 1.1 gives the electronegativity values for elements commonly 

encountered in organic chemistry.

If you remember that F is the most electronegative atom, then you 

can always remember the relative electronegativity of the atoms.

We learned this trend in AP.

Now we need to LEARN these values

3 Types of Bonds

https://jigsaw.vitalsource.com/books/9781119351603/epub/OPS/ch01.xhtml?create=true#ch01-tbl-0001


When two atoms form a bond, one critical consideration allows us 

to classify the bond: What is the difference (subtract values) in 

the electronegativity values of the two atoms? 

1. NON POLAR COVALENT BOND: electrons shared between 

two atoms, where electronegativity difference is less than 0.4

• The C−C bond is clearly nonpolar covalent, because 0 – 0 = 0

• The C−H bond is ALWAYS nonpolar covalent since 2.5-2.1 = 

0.4 (less than 0.4)….. We learned this in AP too.

3 Types of Bonds

 1.5   Induction and Polar Covalent Bonds   9

In this case, the nitrogen atom exhibits only four valence electrons. It is missing one electron, 

so it must bear a positive charge, which is shown like this:

NH H

H

H

⊕

1.12 Identify any formal charges in the structures below:

1.13 Draw a structure for each of the following ions; in each case, indicate which atom 

possesses the formal charge:

(a) BH4
−     (b) NH2

−     (c) C2H5
+

1.14 If you are having trouble paying attention during a long 

lecture, your levels of  acetylcholine (a neurotransmitter) may 

be to blame.4 Identify any formal charges in  acetylcholine.

Try Problem 1.41 Acetylcholine

C C

H

H

H

O

O C

H

H

C

H

H

N C

C

C

H
H

H

H

H

H

H
H

H

PRACTICE the skill

APPLY the skill

need more PRACTICE?

1.5 Induction and Polar Covalent Bonds

Chemists classify bonds into three categories: (1) covalent, (2) polar covalent, and (3) ionic. T ese 

categories emerge from the electronegativity values of the atoms sharing a bond. Electronegativity is 

a measure of the ability of an atom to attract electrons. Table 1.1 gives the electronegativity values for 

elements commonly encounter ed in organic chemistry.

STEP 3

Assign a formal 

charge.

H HC

H(f )

H C C

H

H

O

(g)

AlCl Cl

Cl

Cl

Cl

(h)

C C

H

H

H N

H

H O

O

(i)

AlH H

H

H

(a)
O

H H

H

(b)

H N

H

C

H

H

H

C

H

(c) H H

H

C

O

(d)

H HC

H(e)

When two atoms form a bond, one critical consideration allows us to classify the bond: 

What is the dif erence in the electronegativity values of the two atoms? Below are some rough 

guidelines:

If the dif erence in electronegativity is less than 0.5, the electrons are considered to be 

equally shared between the two atoms, resulting in a covalent bond. Examples include C− C and 

C− H:

CC HC

TABLE 1.1 ELECTRONEGATIVITY VALUES OF SOME COMMON ELEMENTS

H
2.1

Li
1.0

Be
1.5

B
2.0

C
2.5

N
3.0

O
3.5

F
4.0

K
0.8

Br
2.8

Na
0.9

Mg
1.2

Al
1.5

Si
1.8

P
2.1

S
2.5

Cl
3.0

Increasing

electronegativity

Increasing electronegativity

Klein3e_ch01_1-48_LR_v3.1.indd   9 29/06/16   3:03 PM



2. POLAR COVALENT BOND: electrons shared between two 
atoms with electronegativity difference between 0.41 and 1.7

Oxygen is significantly more electronegative (3.5) than carbon 
(2.5), and therefore oxygen will more strongly attract the electrons 
of the bond. The withdrawal of electrons toward oxygen is called 
induction (dipole moment), which is often indicated with an 
arrow like this.

Induction causes the formation of partial positive and partial 
negative charges, symbolized by the Greek symbol delta (δ). The 
FYI - partial charges will be very important in upcoming chapters.

3 Types of Bonds



3. IONIC BOND: the electrons are NOT shared, the two atoms 

differ in electronegativity by more than 1.7, and so the more 

electronegative atom owns the electrons.

The difference in electronegativity between O and Na is so great 

that both electrons of the bond are possessed solely by the oxygen 

atom, rendering the oxygen negatively charged and the sodium 

positively charged. 

• The result of the force of attraction between the two oppositely 

charged ions.

3 types of Bonds



The cutoff numbers (0.41 and 1.7) should be thought of as rough 

guidelines. 

Remember…

• Electrons tend to shift away from lower electronegativity 

atoms to higher electronegativity atoms. 

• The greater the difference in electronegativity, the more polar 

the bond.

.

3 types of Bonds



However, there are many cases that are not so clear-cut. 

• For example, a C—Li bond has a difference in electronegativity 

of 1.5, and this bond is often drawn either as polar covalent or as 

ionic. Both drawings are acceptable:

3 types of Bonds



Write out “Learn the skill” question
• We will practice the skill in class together after 

lecture

Question: Consider the structure of methanol. 

Identify all polar covalent bonds and show any 

partial charges that result from inductive effects:

Skillbuilder 1.5 (p.10-11)



Ch. 1.6 

Topic: Atomic Orbitals

EQ: How are electrons filled in 

orbitals?

READ Ch 1.6 (pg. 12-15) then take notes



• By the 1920s, vitalism had been discarded. 

• Chemists were aware of constitutional isomerism and developed the 
structural theory of matter.

• The electron had been discovered, identified as the source of bonding, and 
Lewis structures were used to keep track of shared and unshared electrons.

But the understanding of electrons was about to change dramatically.

• In 1924, French physicist Louis de Broglie suggested that electrons, 
considered as particles, also exhibited wavelike properties. 

A new theory of matter was born.

• In 1926, Erwin Schrödinger, Werner Heisenberg, and Paul Dirac 
independently proposed a mathematical description of the electron that 
incorporated its wavelike properties. 

• This new theory, called wave mechanics, or Quantum Mechanics, 
radically changed the way we viewed the nature of matter and laid the 
foundation for our current understanding of electrons and bonds.

Quantum Mechanics



Quantum mechanics is deeply rooted in mathematics and represents an 

entire subject by itself. (Math is way beyond the scope of our course)

In order to understand the nature of electrons, it is critical to understand a 

few simple highlights from quantum mechanics:

1. An equation is constructed to describe the total energy of a hydrogen 

atom (i.e., one proton plus one electron). This equation, called the 

wave equation, takes into account the wavelike behavior of an 

electron that is in the electric field of a proton (aka LIGHT) .

2. The wave equation is then solved to give a series of solutions called 

wave functions. The Greek symbol psi (ψ) is used to denote each 

wave function (ψ1, ψ2, ψ3, etc.). Each of these wavefunctions

corresponds to an allowed energy level for the electron. 

• Very important because it suggests that an electron can only exist at 

discrete energy levels. In other words, the energy of the electron is 

quantized. (sound familiar)

Quantum Mechanics



3. Each wavefunction is a function of spatial location. It provides 

information that allows us to assign a numerical value for each 

location in 3-D space relative to the nucleus. The square of that 

value (ψ2 for any particular location) has a special meaning. It 

indicates the probability of finding the electron in that location. 

Therefore, a three-dimensional plot of ψ2 will generate an 

image of an atomic orbital 

Illustrations of an s orbital and three p orbitals below

Quantum Mechanics



• An orbital is a region of space that can be occupied by an electron. 

• But remember that an electron is not purely a particle—it has wavelike 

properties as well. 

• Therefore, we must construct a mental image that captures both of 

these properties. That is not easy to do, but the following analogy 

might help. 

• Electron clouds (occupied orbitals) vs. Real clouds makes it possible to 

construct a better mental model of an electron in an orbital:

Electron Density & Atomic Orbitals



1. Clouds in the sky can come in any shape or size. However, electron clouds 
have specific shapes and sizes (as defined by the orbitals).

2. A cloud in the sky is comprised of billions of individual water molecules. An 
electron cloud is not comprised of billions of particles. We must think of an 
electron cloud as a single entity, even though it can be thicker in some places 
and thinner in other places. This concept is critical and will be used 
extensively throughout the course in explaining reactions.

3. A cloud in the sky has edges, and it is possible to define a region of space 
that contains 100% of the cloud. In contrast, an electron cloud does not have 
defined edges. We frequently use the term electron density, which is 
associated with the probability of finding an electron in a particular region of 
space. The “shape” of an orbital refers to a region of space that contains 90–
95% of the electron density. Beyond this region, the remaining 5–10% of the 
electron density tapers off but never ends. 

Electron Density & Atomic Orbitals



• In summary, we must think of an orbital as a region of space that 

can be occupied by electron density. 

• An occupied orbital must be treated as a cloud of electron 

density. 

• This region of space is called an atomic ortbital (AO), because 

it is a region of space defined with respect to the nucleus of a 

single atom. 

• Examples of atomic orbitals are the s, p, d, and f orbitals.

Electron Density & Atomic Orbitals



Electrons behave as both particles and waves. How can they be 

BOTH? 

• Consider a wave that moves across the surface of a lake (Figure 

1.6). The wave function (ψ) mathematically describes the wave, 

and the value of the wave function is dependent on location. 

Locations above the average level of the lake have a positive 

value for ψ (indicated in red), and locations below the average 

level of the lake have a negative value for ψ (indicated in blue). 

Locations where the value of ψ is zero are called nodes. 

Phases of Atomic Orbitals

https://jigsaw.vitalsource.com/books/9781119351603/epub/OPS/ch01.xhtml?create=true#ch01-fig-0006


• Because they are generated mathematically 

from wavefunctions, orbital regions can 

also be (–), (+), or ZERO

• The sign of the wave function has nothing to 

do with electrical charge. 

• In this p-orbital, there is a nodal plane. The 

sign of the wavefunction will be important 

when we look at orbital overlapping in 

bonds.

Phases of Atomic Orbitals



• The energy of an electron depends on the type of orbital that it 
occupies.

• Electrons are lowest in energy when they occupy a 1s orbital, 
because the 1s orbital is closest to the nucleus and it has no nodes 
(the more nodes that an orbital has, the greater its energy). 

• The 2s orbital has one node and is farther away from the nucleus; 
it is therefore higher in energy than the 1s orbital. 

• After the 2s orbital, there are three 2p orbitals that are all 
equivalent in energy to one another. Orbitals with the same 
energy level are called degenerate orbitals.

Filling Atomic Orbitals with Electrons



• Good news: Most of the organic compounds that we will 

encounter will be composed of 1st, 2nd, & 3rd periods on PT (Our 

discussions will therefore focus primarily on these orbitals)

• More Good news: As we move across the periodic table, starting 

with hydrogen, each element has one more electron than the 

element before it. So, the order in which the orbitals are filled by 

electrons is determined by just three simple principles:

1. Aufbau Principle

2. Pauli Exculsion Principal

3. Hund’s Rule

Which leads to your favorite topic of ….Electron Configuration ☺

Filling Atomic Orbitals with Electrons



1. Aufbau Principle: The lowest energy orbital is filled first.

1s filled first, then 2s, 2p, 3s, 3p, etc….

2. Pauli Exculsion Principal: Each orbital can hold a maximum of 

two electrons that have opposite spin. For reasons that are 

beyond the scope of this course, electrons only have two possible 

spin states (designated by ⇃ or ↾). 

3. Hund’s Rule: When dealing with degenerate (same energy) 

orbitals, such as the three 2p orbitals, one electron is placed in 

each suborbital first, before electrons are paired up.

Filling Atomic Orbitals with Electrons



Filling Atomic Orbitals with Electrons



Write out “Learn the skill” question
• We will practice the skill in class together after 

lecture

Question: Identify the electron configuration of a 

nitrogen atom.

Skillbuilder 1.6 (p.15)



Ch. 1.7 

Topic: Valence Bond Theory

EQ: How is Valence Bond Theory 

related to electron density?

READ Ch 1.7 (pg. 16) then take notes



A covalent bond (shared electrons) is formed from the overlap of 
atomic orbitals. 

• 2 theories for describing the nature of atomic orbital overlap: 

1. Valence Bond (VB) theory (more simplistic in its treatment of 
bonds)

2. Molecular Orbital (MO) theory

Let’s start with VB:

If we are going to treat electrons as waves, then we must quickly 
review what happens when two waves interact with each other. 

• Two waves that approach each other can interfere in one of two 
possible ways — constructively or destructively. 

• Overlapping orbitals is like overlapping waves

Valence Bond Theory (VB)



Valence Bond Theory (VB)

Only constructive interference results in a bond



• According to VB theory, a bond is simply the sharing of electron 

density between two atoms as a result of the constructive 

interference of their atomic orbitals. 

• Example – Forming 2 Hydrogen atoms in molecular hydrogen 

(H2). 

• This bond is formed from the overlap of the 1s orbitals of each 

hydrogen atom.

Valence Bond Theory (VB)

direct overlap of orbitals 
forms a sigma bond



• The electron density of this bond is primarily located on the 

bond axis (the line that can be drawn between the two 

hydrogen atoms). This type of bond is called a sigma (σ) 

bond and is characterized by circular symmetry with respect 

to the bond axis. 

• Therefore, all single bonds are σ bonds.

Valence Bond Theory (VB)



Ch. 1.8 

Topic: Molecular Orbital Theory

EQ: What is difference between 

Valence Bond Theory & Molecular 

Orbital Theory?

READ Ch 1.8 (pg. 17-18) then take notes



• MO theory uses mathematics as a tool to explore the 

consequences of atomic orbital overlap. 

• According to this theory, atomic orbitals are mathematically 

combined to produce new orbitals, called molecular orbitals.

• Atomic orbitals (AO) vs molecular orbitals (MO):

• Both types of orbitals contain electrons

• Atomic orbital is a region of space associated with an individual 

atom, while a molecular orbital is associated with an entire molecule. 

• That is, the molecule is considered to be a single entity held together 

by many electron clouds. 

• MOs fill orbitals up just like AOs (electrons first occupy the lowest 

energy orbitals, with a maximum of two electrons per orbital)

• MOs are a more complete analysis of bonds, because they include both 

constructive and destructive interference.

Molecular Orbital Theory (MO)



In order to visualize what it means for an orbital to be associated 

with an entire molecule, we will explore two molecules: molecular 

hydrogen (H2) and bromomethane (CH3Br).

• Consider the bond formed between the two hydrogen atoms in 

molecular hydrogen. This bond is the result of the overlap of two 

atomic orbitals (s orbitals), each of which is occupied by one 

electron. According to MO theory, when two atomic orbitals 

overlap, they cease to exist. Instead, they are replaced by two 

molecular orbitals, each of which is associated with the entire 

molecule.

Molecular Orbital Theory (MO)



In the energy diagram shown, the individual 
atomic orbitals are represented on the right and 
left, with each atomic orbital having one electron. 

• The lower energy MO, or bonding MO, is the 
result of constructive interference of the 
original two atomic orbitals. 

• The higher energy molecular orbital, or 
antibonding MO, is the result of destructive 
interference. 

• Notice that the antibonding MO has one node, 
which explains why it is higher in energy. 

• When the AOs overlap the electrons go into the 
bonding MO rather than the antibonding MO in 
order to achieve a lower energy state (the 
essence of the bond)

• For an H−H bond, the lowering in energy is 
equivalent to 436 kJ/mol (and corresponds with 
the bond strength of an H−H bond).

Molecular Orbital Theory (MO)



Now let’s consider a molecule such as CH3Br, 
which contains more than just one bond. 

• VB theory continues to view each bond 
separately, with each bond being formed 
from two overlapping atomic orbitals. 

• In contrast, MO theory treats the bonding 
electrons as being associated with the entire 
molecule. 

• The molecule has many molecular orbitals, 
each of which can be occupied by two 
electrons.

• The are more than two MOs that exist for 
CH3Br.. But let’s focus on only two of them 
here

• Red and blue regions indicate the different 
phases, as described in Section 1.6. 

Molecular Orbital Theory (MO)

https://jigsaw.vitalsource.com/books/9781119351603/epub/OPS/ch01.xhtml#ch01sec6


• There are many areas of atomic orbital 
overlap, and nodes as well

• Notice how the MOs extend over the entire 
molecule

For every molecule, two of its molecular 
orbitals will be of particular interest:

1. Highest energy orbital from among the 
occupied orbitals is called the highest 
occupied molecular orbital, or HOMO

2. Lowest energy orbital from among the 
unoccupied orbitals is called the lowest 
unoccupied molecular orbital, or 
LUMO.

These are the MO’s in play when undergoing 
a chemical rxn

(More of this discussed in Ch 7)

Molecular Orbital Theory (MO)



In most situations, VB theory will be sufficient for our purposes. 

However, there will be cases in the upcoming chapters where VB 

theory will be inadequate to describe the observations. 

In such cases, we will utilize MO theory, a more sophisticated 

approach to viewing the nature of bonds.

VB vs MO



Ch. 1.9 

Topic: Hybridized Atomic Orbitals

EQ: How is Hybridization determined?

READ Ch 1.9 (pg. 18-22) then take notes



Lets apply VB theory to methane (CH4)

The electron configuration of carbon is the following. 

This electron configuration cannot satisfactorily describe the bonding 
structure of methane (CH4), in which the carbon atom has four separate 
C−H bonds, because the electron configuration shows only two atomic 
orbitals capable of forming bonds (each of these orbitals has one unpaired 
electron). This would imply that the carbon atom will form only two 
bonds, but we know that it forms four bonds.

Methane & sp3 Hybridization



The ground state electron configuration for carbon can’t explain how 
carbon makes four bonds

We can solve this problem by imagining an excited state of carbon: 

a state in which a 2s electron has been promoted to a higher energy 
2p orbital. Now the carbon atom has four atomic orbitals capable of 
forming bonds, but there is yet another problem here. The geometry 
of the 2s and three 2p orbitals does not satisfactorily explain the 
observed 3-D geometry of methane 

Methane & sp3 Hybridization

Only two orbitals 
have unpaired 

electrons to be shared 
in the ground state

There are 4 unpaired 
electrons here, but 4 

equal bonds cannot be 
made with two different
types of orbitals (s vs p)



• The tetrahedral geometry of methane. 

• All bond angles are 109.5°.

• If considering the excited state, it still doesn’t explain how carbon 

makes 4 equivalent bonds, like the 4 bonds to H in a methane 

molecule

• This problem was solved in 1931 by Linus Pauling, who 

suggested that the electronic configuration of the carbon atom in 

methane does not necessarily have to be the same as the electronic 

configuration of a free carbon atom. 

• So he mathematically averaged, or hybridized, the 2s orbital and 

the three 2p orbitals, giving four degenerate hybridized atomic 

orbitals 

Methane & sp3 Hybridization



• Please note… The hybridization process below does not represent 

a real physical process that the orbitals undergo.

• Rather, it is a mathematical procedure that gives us four orbitals 

that were produced by averaging one s orbital and three p orbitals, 

and therefore we refer to these atomic orbitals as sp3 hybridized 

orbitals.  

Methane & sp3 Hybridization



• The four sp3-hybridized orbitals are equivalent in energy 

(degenerate) and will therefore position themselves as far apart 

from each other as possible, achieving a symmetrical tetrahedral 

geometry. 

Methane & sp3 Hybridization



• Also notice that hybridized atomic orbitals are unsymmetrical.

• Hybridized atomic orbitals have a larger front lobe (shown in red) 

and a smaller back lobe (shown in blue). The larger front lobe 

enables hybridized atomic orbitals to be more efficient than p

orbitals in their ability to form bonds.

• Shape of an sp3 orbital results from have 25% s-character, and 

75% p-character

Methane & sp3 Hybridization



• Using VB theory to make CH4, the 1s atomic orbitals of four H 

atoms will overlap with the four sp3 hybridized atomic orbitals 

of C. (For purposes of clarity the back lobes (blue) have been 

omitted from the images)

• All bonds are single bonds and therefore are all sigma bonds.

• 4 single bonds and 4 σ bonds.

Methane & sp3 Hybridization



The Bonding of Ethane (C2H6)

• How many sp3 hybridized atomic orbitals of C?

• How many single bonds?

• How many σ bonds?

Ethane



• Consider ethene or ethylene (C2H4).

• Ethylene exhibits a planar geometry. 

• Each carbon in ethene must bond to three other atoms, so only 

three hybridized atomic orbitals are needed.

Double Bonds & sp2 Hybridization



• A sp2 hybridized carbon will have three equal-energy 
sp2 orbitals and one unhybridized p orbital

• the shape of an sp2 orbital results from have 33% s-
character, and 67% p-character

Double Bonds & sp2 Hybridization



• Each carbon atom in ethene has three sp2-hybridized orbitals 

available to form σ bonds. One σ bond forms between the two 

carbon atoms, and then each carbon atom also forms a σ bond 

with each of its neighboring hydrogen atoms. 

Double Bonds & sp2 Hybridization



• These p orbitals actually overlap with each other as well, which is 

a separate bonding interaction called a pi (π) bond. (The π overlap 

occurs in two places—above the plane of the molecule (in red) and 

below the plane (in blue). Nevertheless, these two regions of 

overlap represent only one interaction called a π bond.

• Pi bonds are weaker than sigma bonds.

Double Bonds & sp2 Hybridization



• The σ bond results from the overlap of sp2-hybridized atomic 

orbitals, while the π bond results from the overlap of p orbitals

Double Bonds & sp2 Hybridization



The Bonding of ethene (C2H4). 

• How many sp2 hybridized atomic orbitals of C?

• How many single bonds? Double bonds?

• How many σ bonds? π bond?

Double Bonds & sp2 Hybridization



Consider ethyne or acetylene (C2H2). 

• A triple bond is formed by sp - hybridized carbon atoms. 

• To achieve sp hybridization, one s orbital is mathematically 

averaged with only one p orbital.

• As a result, an sp-hybridized carbon atom has two sp orbitals 

and two p orbitals. 

Triple Bonds & sp Hybridization



Each carbon in ethyne must bond to two other atoms, so only two

hybridized atomic orbitals are needed

Triple Bonds & sp Hybridization



• The two sp-hybridized orbitals are available to form σ bonds 
(one on either side)

• The two p orbitals are available to form π bonds. 

• A triple bond between two carbon atoms is therefore the result 
of three separate bonding interactions: one σ bond and two π
bonds. 

• The σ bond results from the overlap of sp orbitals, while each 
of the two π bonds result from overlapping p orbitals. 

• The triple bond is linear.

Triple Bonds & sp Hybridization



The Bonding of ethyne (C2H2). 

• How many sp hybridized atomic orbitals of C?

• How many single bonds? Double bonds?

• How many σ bonds? π bond?

Triple Bonds & sp Hybridization



Write out “Learn the skill” question
• We will practice the skill in class together after 

lecture

Question: Identify the hybridization state of each 

carbon atom in the following compound:

Skillbuilder 1.7 (p.23)



• Single bond has only one bonding interaction (a σ bond). 

Weakest Bonds

• Double bond has two bonding interactions (one σ bond and 

one π bond)

• Triple bond has three bonding interactions (one σ bond and 

two π bonds). Strongest Bonds

Bond Strength and Bond Length



• Compare the strengths and lengths of the C−C bonds in ethane, 

ethylene, and acetylene

Bond Strength and Bond Length



• What do you notice about the bond length?

• What do you notice about the bond energy?

Bond Strength and Bond Length



Let’s Review:

• Which should be stronger, a pi bond or a sigma bond?

The sigma bond is considered stronger as it requires almost twice 

the bond energy of a pi bond to break it

• Which should be longer, an sp3 – sp3 sigma bond overlap or an 

sp – sp sigma bond overlap?  Realize the more s-character in 

the orbitals, the shorter they will be

sp3 bond lengths are the longest, followed by sp2, and then sp

bonds.

Bond Strength and Bond Length



Ch. 1.10 

Topic: VSEPR Theory

EQ: How do you predict the name of 

the shape for a molecule?

READ Ch 1.10 (pg. 24-27) then take notes



• The shapes of small molecules can often be predicted if we 

presume that all electron pairs (whether bonding or 

nonbonding) repel each other

• Arrange themselves in 3-dimensional space so as to achieve 

maximal distance from each other. 

• Valence shell electron pair repulsion (VSEPR) theory, 

enables us to make predictions about molecular geometry. 

• Valence electrons (shared and lone pairs) repel each other

• Central atom ALSO determines shape.

• The total number of electron pairs is called the steric 

number….so pay close attention to electron pairs around 

central atom 

VSEPR



• Hybridization - sp3 

• Steric # = 4

Example: Methane (CH4)

• Carbon atom has four σ bonds and no lone 

pairs. 

• All four electron pairs will be positioned so as 

to achieve maximal distance from each other.

• Bond angles of 109.5°

Tetrahedral Geometry



• Hybridization - sp3 

• Steric # = 4

Example: Ammonia (NH3)

• Nitrogen atom has three σ bonds and one lone pair. 

• VSEPR theory would suggest a tetrahedral arrangement

• However, a lone pair is positioned at one corner. 

Trigonal Pyramdial Geometry



• Nitrogen atom is sp3 hybridized, and the lone 

pair occupies an sp3-hybridized orbital.

• Bond angles are 107°, not 109.5°. This shorter 

bond angle can be justified by the lone pairs 

repel more strongly than σ bonds (lone pairs are 

not bound by another nucleus, so they occupy 

more space than bonding electron pairs). 

Trigonal Pyramdial Geometry



• Hybridization - sp3 

• Steric # = 4

Example: Water (H2O)

• Oxygen atom has two σ bonds and two lone pairs. 

• VSEPR theory would suggest a tetrahedral arrangement

• However, TWO lone pairs are positioned at the corners. 

Bent Geometry



• Bond angle (105°) - the effect of two lone pairs.

• The lone pairs repel each other more strongly than σ 

bonds, causing the H−O−H bond angle to be even 

smaller than the bond angles in ammonia. 

Bent Geometry



For any sp3 hybridized atom, the 4 valence electron pairs 

will form a tetrahedral electron group geometry

Summary: sp3 hybridized atom

• Methane has 4 

equal bonds, so 

the bond angles 

are equal

• The bond angles  

in ammonia are a 

little smaller

• The bond angles 

in oxygen are even 

smaller still



• Hybridization – sp2 

• Steric # = 3 (lets calculate why)

Example: Boron trifluoride (BF3)

• Boron has three valence electrons, used to form a σ 

bond. (3 total σ bonds)

• Three equivalent sp2-hybridized orbitals and one empty 

p orbital

• Bond angles are 120°

• “Trigonal” indicates that the boron atom is connected to 

three other atoms, and the term “planar” indicates that 

all atoms lie in the same plane.

Trigonal Planar Geometry



• Hybridization – sp

• Steric # = 2  (lets calculate why)

Example: Beryllium dihydride (BeH2)

• Beryllium has two valence electrons, each of which is 

used to form a σ bond. (2 total σ bonds)

• Only requires two hybridized orbitals, and must be sp

hybridized. 

• Two electron pairs that are repelling each other

• Bond angle of 180°.

Linear Geometry



• The molecular geometry is described for only the atoms bonded 

to the central atom; electron group geometry includes lone pairs

Summary



Summary



Write out “Learn the skill” question
• We will practice the skill in class together after 

lecture

Question: Using VSEPR theory, predict the 

geometry of a hydronium ion (H3O
+):

Skillbuilder 1.8 (p.28)



Ch. 1.11 

Topic: Dipole Moments & Molecular 

Polarity

EQ: How do you predict if an entire 

molecule is polar or not?

READ Ch 1.11 (pg. 28-31) then take notes



• Recall that induction is caused by the presence                                 

of an electronegative atom

Example: Chloromethane

• Figure 1.39a - The arrow shows the inductive effect of the 

chlorine atom. 

• Figure 1.39b - is a map of the electron density, revealing that the 

molecule is polarized. 

• Chloromethane contains a dipole moment (μ), because the center 

of negative charge and the center of positive charge are separated 

from one another by a certain distance. 

• The dipole moment is used as an indicator of polarity, 

• Dipole moment (μ) = charge (δ) x separation distance (d)

• Units of μ are called debye (D)

Dipole Moment 



• Chloromethane was a simple example, because it has only one 

polar bond. 

• If more than one polar bond, it is necessary to take the vector sum 

of the individual dipole moments. 

• The vector sum is called the molecular dipole moment - takes 

into account both the magnitude and the direction of each 

individual dipole moment. 

Example: dichloromethane 

• The individual dipole moments partially cancel, but not 

completely. 

Dipole Moment 



The presence of a lone pair has a significant effect on the 

molecular dipole moment. 

Examples: Ammonia and Water

• The two electrons of a lone pair are balanced by two positive 

charges in the nucleus, but the lone pair is separated from the 

nucleus by some distance. 

• A dipole moment associated with every lone pair. 

Dipole Moment 



Example: Carbon tetrachloride (CCl4)

• No molecular dipole moment. 

• In this case, the individual dipole 

moments cancel each other 

completely to give the molecule a 

zero net dipole moment (μ = 0). 

• This example demonstrates that we 

must take geometry into account 

when assessing molecular dipole

Dipole Moment 



Be careful with determining if whole molecule is polar!!!

1. You have to know the molecule’s geometry before analyzing its 
polarity. 

2. Pay attention to where the dipole moment is, lone pairs, and the 
NET dipole moment.

3. If you have not drawn the molecule with the proper geometry, it 
may cause you to assess the polarity wrong as well.

(Would water have a different dipole moment if it were linear 
instead of bent?)

Dipole Moment 



Write out “Learn the skill” question
• We will practice the skill in class together after 

lecture

• Question: Identify whether each of the 
following compounds exhibits a molecular 
dipole moment. If so, indicate the direction of 
the net molecular dipole moment:

(a) CH3CH2OCH2CH3

(b) CO2

Skillbuilder 1.9 (p.31-32)



Ch. 1.12 

Topic: IMF and Physical Properties

EQ: How do IMF predict physical 

properties of molecules?

READ Ch 1.12 (pg. 32-35) then take notes



• The physical properties of a compound are determined by the 
attractive forces between the individual molecules, called 
intermolecular forces (IMF).

• Many properties such as solubility, boiling point, density, state of 
matter, melting point, etc. are affected by the attractions between 
separate molecules.

• All IMF are electrostatic — these forces occur as a result of the 
attraction between opposite charges. The 3 electrostatic 
interactions for neutral molecules (with no formal charges) are 
often classified as the following:

1. Dipole-dipole interactions

2. Hydrogen bonding

3. London Dispersion Forces (fleeting dipole-dipole interactions)

Intermolecular Forces (IMF) 



• Compounds with net dipole moments can either attract each other 

or repel each other, depending on how they approach each other 

in space. 

• In the solid phase, the molecules align so as to attract each other.

• In the liquid phase, the molecules are free to tumble in space, but 

they do tend to move in such a way so as to attract each other 

more often than they repel each other. The resulting net attraction 

between the molecules results in an elevated melting point and 

boiling point. 

Dipole-Dipole Interactions



• Dipole-dipole forces result when polar molecules line up their 

opposite charges.

• Note acetone’s permanent dipole results from the difference in 

electronegativity between C and O

Dipole-Dipole Interactions



Examples: Compare the physical properties of isobutylene and acetone:

• Isobutylene lacks a significant dipole moment

• Acetone has a strong net dipole moment. 

• Therefore, acetone molecules will experience greater attractive 

interactions than isobutylene molecules. As a result, acetone has a 

higher melting point and higher boiling point than isobutylene.

Dipole-Dipole Interactions

isobutylene is 
nonpolar, has 

weaker dipole-
dipole 

attractions
and therefore a 

lower BP

Acetone is more polar, 
and so it

has a higher BP



• The term hydrogen bonding is misleading. 

• A hydrogen bond is NOT actually a “bond” but is just a specific type 
of dipole-dipole interaction (which means the hydrogen has to be 
POLAR too). 

• Hydrogen bonds are an especially strong type of  dipole-dipole 
attraction.

• Hydrogen bonds are strong because the partial + and – charges are 
relatively large.

• H-bonding is the attractive force between an H bonded to an 
electronegative atom (N, O and F) and a lone pair on another 
electronegative atom.

Examples: water and ammonia

Hydrogen Bonding



• Only when a hydrogen shares electrons with a highly 

electronegative atom (O, N, F) will it carry a large partial positive 

charge

• The large δ+ on the H atom can attract large δ– charges on other 

molecules

• Even with the large partial charges, H-bonds are still about 20 

times weaker than covalent bonds

Hydrogen Bonding



• This type of interaction is quite strong because hydrogen is a 

relatively small atom, and as a result, the partial charges can get 

very close to each other. 

• In fact, the effect of hydrogen bonding on physical properties 

is quite dramatic. 

• Remember at beginning of this chapter, we briefly mentioned the 

difference in properties between the following two constitutional 

isomers:

Examples: Ethanol and Methoxymethane 

• These compounds have the same molecular 

formula (C2H6O), but they have very different 

boiling points. Ethanol experiences hydrogen bonding, giving rise 

to a very high boiling point (78.4oC). Methoxymethane does not 

experience hydrogen bonding, giving rise to a relatively lower 

boiling point (-23oC). 

Hydrogen Bonding



• Increasing the amount and extent of hydrogen bonding explains 

why the following isomers have different boiling points

Example amines: 

• These compounds have the same molecular formula (C3H9N), but 

they have very different boiling points. 

• Trimethylamine – no H-bonding (low BP)

• Ethylmethylamine – contains H-bonding (higher BP than 

trimethylamine)

• Propylamine – has 2 N-H bonds (highest boiling point)

Hydrogen Bonding



• Hydrogen bonding is incredibly important in determining 
the shapes and interactions of biologically important 
compounds. 

• Chap 25 will focus on proteins, which are long molecules 
that coil up into specific shapes under the influence of 
hydrogen bonding. 

• These shapes ultimately determine their biological 
function. 

• H-bonds are among the forces that cause DNA to form a 
double helix and some proteins to fold into an alpha-helix

This leaves us with the obvious question: Why do we call 
them hydrogen bonds instead of just hydrogen interactions? 
To answer this question, consider the double-helix structure 
of DNA (Fig b). 

The two strands are joined by hydrogen-bonding interactions 
that function like a very long, twisted ladder. The net sum of 
these interactions is a significant factor that contributes to the 
structure of the double helix, in which the hydrogen-bonding 
interactions appear as if they were actually bonds. 

Hydrogen Bonding

https://jigsaw.vitalsource.com/books/9781119351603/epub/OPS/ch25.xhtml#ch25


• a.k.a. fleeting dipole-dipole interactions

• Some compounds have no permanent dipole moments (nonpolar), and 
yet analysis of boiling points indicates that they must have fairly strong 
intermolecular attractions. 

Example Hydrocarbons:

• These 3 compounds are hydrocarbons, compounds that contain only 
carbon and hydrogen atoms. 

• Trend: the boiling point appears to increase with increasing 
molecular weight. (more polarizable)

• This trend can be justified by considering the fleeting (nonexistent) 
dipole moments that are more prevalent in larger hydrocarbons. 

• The center of negative charge electrons coincides with the center of 
positive charge nucleus, resulting in a zero dipole moment. 

London Dispersion Forces



• Instead of fleeting dipole-dipole interactions, we call them London 

dispersion forces, named after German-American physicist Fritz 

London. 

• LD forces are generally weak. 

• London dispersion forces are stronger for higher molecular weight 

hydrocarbons because these compounds have larger surface areas 

that can accommodate more interactions - generally boil at higher 

temperatures. 

London Dispersion Forces



• A branched hydrocarbon generally has a smaller surface area than 

its corresponding straight-chain isomer, and therefore, branching 

causes a decrease in boiling point. 

Example: Constitutional isomers of C5H12:

• The more branching in a molecule, the lower it’s surface area, 

and the weaker the London dispersion forces.

London Dispersion Forces



Do you see the trend? 

London Dispersion Forces



Write out “Learn the skill” question
• We will practice the skill in class together after 

lecture

• Question: Determine which compound has the 

higher boiling point, neopentane or 3-hexanol:

Skillbuilder 1.10 (p.36-37)



Ch. 1.13 

Topic: Solubility

EQ: Why do some compounds 

dissolve and others dont?

READ Ch 1.13 (pg. 38-39) then take notes



• Solubility is based on the principle that “like dissolves like.” 

• Polar compounds are soluble in polar solvents

• Nonpolar compounds are soluble in nonpolar solvents. 

Why is this so? 

• A polar compound experiences dipole-dipole interactions with the 

molecules of a polar solvent, allowing the compound to dissolve in the 

solvent. 

• Similarly, a nonpolar compound experiences LD forces with the 

molecules of a nonpolar solvent. 

• So, if an article of clothing is stained with a polar compound, the stain 

can generally be washed away with water (its polar - like dissolves like).

• However, water will be insufficient for cleaning clothing stained with 

nonpolar compounds, such as oil or grease. In a situation like this, the 

clothes can be cleaned with soap or by dry cleaning.

Solubility



• We know it is difficult to get a polar compound (like water) to mix 

with a nonpolar compound (like oil)

• We can’t use just water to wash oil off our dirty cloths

• To remove nonpolar oils, and grease, and dirt… we need soap

• Soaps are compounds that have a polar group on one end of the 

molecule and a nonpolar group on the other end 

Soap



• The polar group represents the hydrophilic region of the molecule 

(means“loves water”), while the nonpolar group represents the 

hydrophobic region of the molecule (means “afraid of water”). 

• Oil molecules are surrounded by the hydrophobic tails of the soap 

molecules, forming a micelle.

• Soap molecules organize into micelles in water, which form a 

nonpolar interior to carry away dirt.

• This is a clever way to dissolve the oil in water, but this technique 

only works for clothing that can be subjected to water and soap.

• Some clothes will be damaged in soapy water, so dry cleaning is 

needed.

Soap



• Dry cleaning utilizes a nonpolar solvent, such as 

tetrachloroethylene, to dissolve the nonpolar compounds. 

• This compound is nonflammable, making it an ideal 

choice as a solvent. 

• Dry cleaning allows clothes to be cleaned without 

coming into contact with water or soap.

Dry cleaning



Let’s read p. 40 – Propofol: Drug Solubility

How is it connected to solubility?

Medically Speaking Article: Propofol


