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reactions occur as a result of the motion of electrons. For example, in the following reaction the 
curved arrows represent the motion, or !ow, of electrons. "is !ow of electrons causes the 
chemical change shown:

⊝⊝
HO CH

H

H

C HHO

H

H

++

"roughout this course, we will learn how, when, and why electrons !ow during 
reactions. We will learn about the barriers that prevent electrons from !owing, and 
we will learn how to overcome those barriers. In short, we will study the behavioral 
 patterns of electrons, enabling us to predict, and even control, the outcomes of chemical 
 reactions.

"is chapter reviews some relevant concepts from your general chemistry course that 
should be familiar to you. Speci#cally, we will focus on the central role of electrons in form-
ing bonds and in!uencing molecular properties.

1.1 Introduction to Organic Chemistry
In the early nineteenth century, scientists classi#ed 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). "is distinction was fueled by the observation 
that organic compounds seemed to possess di$erent properties than inorganic compounds. Organic 
compounds were often di%cult to isolate and purify, and upon heating, they decomposed more read-
ily than inorganic compounds. To explain these curious observations, many scientists subscribed to 
a belief that compounds obtained from living sources possessed a special “vital force” that inorganic 
compounds lacked. "is notion, called vitalism, stipulated that it should be impossible to convert 
inorganic compounds into organic compounds without the introduction of an outside vital force. 
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:

Heat

Ammonium cyanate
(Inorganic)

NH4OCN C

O

Urea
(Organic)

H2N NH2

Over the decades that followed, other examples were found, and the concept of vitalism was 
gradually rejected. "e downfall of vitalism shattered the original distinction between organic and 
inorganic compounds, and a new de#nition emerged. Speci#cally, organic compounds became 
de#ned as those compounds containing carbon atoms, while inorganic compounds generally were 
de#ned as those compounds lacking carbon atoms.

Organic chemistry occupies a central role in the world around us, as we are surrounded by 
organic compounds. "e food that we eat and the clothes that we wear are comprised of organic 
compounds. Our ability to smell odors or see colors results from the behavior of organic compounds. 
Pharmaceuticals, pesticides, paints, adhesives, and plastics are all made from organic compounds. In 
fact, our bodies are constructed mostly from organic compounds (DNA, RNA, proteins, etc.) whose 
behavior and function are determined by the guiding principles of organic chemistry. "e responses 
of our bodies to pharmaceuticals are the results of reactions guided by the principles of organic 
chemistry. A deep understanding of those principles enables the design of new drugs that #ght disease 
and improve the overall quality of life and longevity. Accordingly, it is not surprising that organic 
chemistry is required knowledge for anyone entering the health professions.

BY THE WAY
There are some 
carbon-containing 
compounds that are 
traditionally excluded 
from organic classi!cation. 
For example, ammonium 
cyanate (seen on this 
page) is still classi!ed as 
inorganic, despite the 
presence of a carbon 
atom. Other exceptions 
include sodium carbonate 
(Na2CO3) and potassium 
cyanide (KCN), both of 
which are also considered 
to be inorganic compounds. 
We will not encounter 
many more exceptions.
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Friedrich August Kekulé
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Development

• ¡±DA&E(stereo-isomerism)Í¡±DA±(stereoisomer)

CHClBrI (R) CHClBrI (S)
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London
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• The Nobel Prize in Chemistry, 1965

• “Organic Synthesis… is an Art.”

Robert Burns Woodward
(1917-1979)
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Today and… Future

Organic 
Analytical 
Chemistry

Organometallic 
Chemistry

Organic 
Synthetic 
Chemistry

Physical 
Organic 

Chemistry

Natural Organic 
Chemistry

Organic 
Chemistry
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Today and… Future
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Today and… Future

The Nobel Prize in Chemistry 
2010 was awarded jointly to Richard F. 

Heck, Ei-ichi Negishi and Akira Suzuki 

“for palladium-catalyzed cross couplings 
in organic synthesis.”
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Today and… Future

The Nobel Prize in Chemistry 
2021 was awarded jointly to Benjamin 

List and David W.C. MacMillan “for 

the development of asymmetric 
organocatalysis.”
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Definition

What is Organic Chemistry?

33



Definition

•=>?@/KLM4?@

•=>?@/KLMN?OPQRSTP4?@

•*HUr4V
• .·¬¸°÷?w¬¸°xRy»°
• .·¬o÷z{.·¬¸°5æA;uÂÍ¸}5no

34



Definition

“Organic chemistry is the study of the structure, properties, composition, 
reactions, and preparation of carbon-containing compounds, which include not only 

hydrocarbons but also compounds with any number of other elements, including 

hydrogen (most compounds contain at least one carbon–hydrogen bond), nitrogen, 
oxygen, halogens, phosphorus, silicon, and sulfur.”

——American Chemistry Society (ACS)
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Chem Principle Review
Structure, Thermodynamics & Kinetics, Acid & Base



Covalent Bond

• Covalent bond: share of electrons

 1.3   Electrons, Bonds, and Lewis Structures   5

of a particle bearing a unit of charge. Stoney coined the term electron to describe this particle.  
In 1897, J. J. !omson (Cambridge University) demonstrated evidence supporting the existence of 
Stoney’s mysterious electron and is credited with discovering the electron. In 1916, Gilbert Lewis 
(University of California, Berkeley) de"ned a covalent bond as the result of two atoms sharing a pair 
of electrons. As a simple example, consider the formation of a bond between two hydrogen atoms:

△H = –436 kJ/molH+H H H

Each hydrogen atom has one electron. When these electrons are shared to form a bond, there is a 
decrease in energy, indicated by the negative value of ΔH. !e energy diagram in Figure 1.2 plots 

the energy of the two hydrogen atoms as a function of the distance between them. Focus on 
the right side of the diagram, which represents the hydrogen atoms separated 

by a large distance. Moving toward the left on the diagram, the hydrogen 
atoms approach each other, and there are 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, and (3) the forces of attraction 
between the positively charged nuclei and the negatively charged elec-

trons. As the hydrogen atoms get closer to each other, all of these forces get 
stronger. Under these circumstances, the electrons are capable of moving in such 

a way so as to minimize the repulsive forces between them while maximizing their attrac-
tive forces with the nuclei. !is provides for a 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). At that point, 
the force of repulsion between the nuclei begins to overwhelm the forces of attraction, causing 
the energy of the system to increase if the atoms are brought any closer together. !e lowest point 
on the curve represents the lowest energy (most stable) state. !is state determines both the bond 
length (0.74 Å) and the bond strength (436 kJ/mol).

Drawing the Lewis Structure of an Atom
Armed with the idea that a bond represents a pair of shared electrons, Lewis then devised a method 
for drawing structures. In his drawings, called Lewis structures, the electrons take  center stage. We 
will begin by drawing individual atoms, and then we will draw Lewis structures for small molecules. 
First, we must review a few simple features of atomic structure:

t� ɨF�OVDMFVT�PG�BO�BUPN�JT�DPNQSJTFE�PG�QSPUPOT�BOE�OFVUSPOT��&BDI�QSPUPO�IBT�B�DIBSHF�PG�
+1, and each neutron is electrically neutral.

t� 'PS�B�OFVUSBM�BUPN
�UIF�OVNCFS�PG�QSPUPOT�JT�CBMBODFE�CZ�BO�FRVBM�OVNCFS�PG�FMFDUSPOT
�
which have a charge of −1 and exist in shells. !e "rst shell, which is closest to the nucleus, 
can contain two electrons, and the second shell can contain up to eight electrons.

t� ɨF�FMFDUSPOT�JO�UIF�PVUFSNPTU�TIFMM�PG�BO�BUPN�BSF�DBMMFE�UIF�WBMFODF�FMFDUSPOT��ɨF�OVNCFS�PG�
valence electrons in an atom is identi"ed by its group number in the periodic table (Figure 1.3).

BY THE WAY
1 Å = 10−10 meters.

FIGURE 1.3
A periodic table showing 
group numbers.

Transition
Metal

Elements

1A 8A

2A 3A 4A 5A 6A 7AH

Li Be

Na Mg

K Ca

Rb Sr

Cs Ba

B C

Al Si

Ga Ge

n Sn

Tl Pb

N O

P S

As Se

Sb Te

Bi Po

F Ne

He

Cl Ar

Br Kr

Xe

At Rn

Internuclear distance0.74 Å

–436 kJ/mol

0

Energy

H H

H H

H H

H H
H H+

FIGURE 1.2
An energy diagram showing 
the energy as a function of the 
internuclear distance between 
two hydrogen atoms.

!e Lewis dot structure of an individual atom indicates the number of valence electrons, which 
are placed as dots around the periodic symbol of the atom (C for carbon, O for oxygen, etc.). !e 
 placement of these dots is illustrated in the following SkillBuilder.
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Lewis Structure

• Octet Rule

40



Lewis Structure
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Lewis Structure

• Practice: draw the Lewis structure of CH2O
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Formal Charge

• Formal charge: atoms which have unusual # valance electrons

43



Formal Charge

• Take a look at the group number

• The group number indicates valance electron numbers

• Homolyze all bonds

• Determine whether the current electron number of the atom is equal 
to the original valence electron number

• More electrons (-); less electrons (+)

44



Formal Charge

• Practice: identify any formal charges in the structures below
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Bond Polarity

• Electronegativity

46

 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. !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 encountered 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 di"erence in the electronegativity values of the two atoms? Below are some rough 
guidelines:

If the di!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



Bond Polarity

• Nonpolar/weak polar covalent bond

∆𝜒 ≤ 0.5

• Polar covalent bond

0.5 < ∆𝜒 ≤ 1.7

• Ionic bond

1.7 < ∆𝜒
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Bond Polarity

• Bonds can be both covalent & ionic
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Atomic Orbitals
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Valence Bond Theory
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1.7 Valence Bond Theory
With the understanding that electrons occupy regions of space called orbitals, we can now turn our atten-
tion to a deeper understanding of covalent bonds. Speci!cally, a covalent bond is formed from the overlap 
of atomic orbitals. "ere are two commonly used theories for describing the nature of atomic orbital 
overlap: valence bond theory and molecular orbital (MO) theory. "e valence bond approach is more 
simplistic in its treatment of bonds, and therefore we will begin our discussion with valence bond theory.

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. Similarly, when atomic orbitals overlap, they can 
interfere either constructively (Figure 1.11) or destructively (Figure 1.12). 

FIGURE 1.11
Constructive interference 
resulting from the interaction 
of two electrons.

An electron
is like a wave

An electron
is like a wave

Internuclear distance Internuclear
distance

Constructive
interference

Bring these
waves closer
together...

...and the
waves reinforce
each other

FIGURE 1.12
Destructive interference 
resulting from the interaction 
of two electrons.

Destructive
interference

Bring these
waves closer
together...

...and the
waves cancel
each other

A node

Constructive interference produces a wave with larger amplitude. In contrast, destructive interfer-
ence results in waves canceling each other, which produces a node (Figure 1.12).

According to valence bond theory, a bond is simply the sharing of electron density between two 
atoms as a result of the constructive interference of their atomic orbitals. Consider, for example, the 
bond that is formed between the two hydrogen atoms in molecular hydrogen (H2). "is bond is 
formed from the overlap of the 1s orbitals of each hydrogen atom (Figure 1.13). 

"e electron density of this bond is primarily located on the bond axis (the line that can be 
drawn between the two hydrogen atoms). "is type of bond is called a sigma (σ) bond and is char-
acterized by circular symmetry with respect to the bond axis. To visualize what this means, imagine 
a plane that is drawn perpendicular to the bond axis. "is plane will carve out a circle (Figure 1.14). 
"is is the de!ning feature of σ bonds and will be true of all purely single bonds. "erefore, all single 
bonds are σ bonds.

FIGURE 1.13
The overlap of the 1s atomic orbitals of two hydrogen 
atoms, forming molecular hydrogen (H2).

Circular
cross section

+

FIGURE 1.14
An illustration of a sigma bond, 
showing the circular symmetry 
with respect to the bond axis.
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Molecular Orbital Theory

• Molecular orbital theory (MO)

52

Lowest Unoccupied Molecular Orbital (LUMO)
of CH3Br

HOMO

FM
O



Hybrid Orbital Theory

• sp3 hybrid: tetrahedral

53
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FIGURE 1.17
The LUMO of CH3Br.

FIGURE 1.18
An energy diagram showing the 
electron con!guration of carbon.

Energy

1s

2s

2p

orbitals of CH3Br. !is molecular orbital is capable of accommodating up to two electrons. Red 
and blue regions indicate the di"erent phases, as described in Section 1.6. As we saw with molecu-
lar hydrogen, not all molecular orbitals will be occupied. !e bonding electrons will occupy the 

lower energy molecular orbitals (such as the one shown in Figure 1.16), while the higher energy 
molecular orbitals remain unoccupied. For every molecule, two of its molecular orbitals 

will be of particular interest: (1) the highest energy orbital from among the occupied 
orbitals is called the highest occupied molecular orbital, or HOMO, and (2) the low-
est energy orbital from among the unoccupied orbitals is called the lowest unoccupied 
molecular orbital, or LUMO. For example, in Chapter 7, we will explore a reaction in 
which CH3Br is attacked by a hydroxide ion (HO−). In order for this process to occur, 

the hydroxide ion must transfer its electron density into the lowest energy, empty molec-
ular orbital, or LUMO, of CH3Br (Figure 1.17). !e nature of the LUMO (i.e., number of 

nodes, location of nodes, etc.) will be useful in explaining the preferred direction from which 
the hydroxide ion will attack.

We will use MO theory several times in the chapters that follow. Most notably, in Chapter 16, 
we will investigate the structure of compounds containing several double bonds. For those com-
pounds, valence bond theory will be inadequate, and MO theory will provide a more meaningful 
understanding of the bonding structure. !roughout this textbook, we will continue to develop both 
valence bond theory and MO theory.

1.9 Hybridized Atomic Orbitals

Methane and sp3 Hybridization
Let us now apply valence bond theory to the bonds in methane:

H

H

H HC

Methane

Recall the electron con$guration of carbon (Figure 1.18). !is electron con$guration cannot satisfac-
torily describe the bonding structure of methane (CH4), in which the carbon atom has four separate 
C−H bonds, because the electron con$guration shows only two atomic orbitals capable of forming 
bonds (each of these orbitals has one unpaired electron). !is would imply that the carbon atom will 
form only two bonds, but we know that it forms four bonds. We can solve this problem by imagin-
ing an excited state of carbon (Figure 1.19): a state in which a 2s electron has been promoted to a 

FIGURE 1.19
An energy diagram showing the electronic excitation of an electron in 
a carbon atom.
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FIGURE 1.20
The tetrahedral geometry 
of methane. All bond 
angles are 109.5°.

higher energy 2p orbital. Now the carbon atom has four atomic orbitals capable of forming bonds, 
but there is yet another problem here. !e geometry of the 2s and three 2p orbitals does not satisfac-
torily explain the observed three-dimensional geometry of methane (Figure 1.20). All bond angles 
are 109.5°, and the four bonds point away from each other in a perfect tetrahedron. !is geometry 
cannot be explained by an excited state of carbon because the s orbital and the three p orbitals do not 
occupy a tetrahedral geometry. !e p orbitals are separated from each other by only 90° (as seen in 
Figure 1.5) rather than 109.5°. 
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Rather, it is a mathematical procedure that is used to arrive at a satisfactory description of the observed 
bonding. !is procedure 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. Figure 1.22 shows 
an sp3-hybridized orbital. If we use these hybridized atomic orbitals to describe the bonding of meth-
ane, we can successfully explain the observed geometry of the bonds. !e four sp3-hybridized orbitals 
are equivalent in energy (degenerate) and will therefore position themselves as far apart from each other 
as possible, achieving a tetrahedral geometry. Also notice that hybridized atomic orbitals are unsym-
metrical. !at is, hybridized atomic orbitals have a larger front lobe (shown in red in Figure 1.22) and 
a smaller back lobe (shown in blue). !e larger front lobe enables hybridized atomic orbitals to be more 
e"cient than p orbitals in their ability to form bonds.

Using valence bond theory, each of the four bonds in methane is represented by the overlap 
between an sp3-hybridized atomic orbital from the carbon atom and an s orbital from a hydrogen 
atom (Figure 1.23). For purposes of clarity the back lobes (blue) have been omitted from the images 
in Figure 1.23.

FIGURE 1.21
An energy diagram showing 
four degenerate hybridized 
atomic orbitals.
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An illustration of an sp3-
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FIGURE 1.23
A tetrahedral carbon atom using 
each of its four sp3-hybridized 
orbitals to form a bond.

H

H

H

H

H

H

H

H

C

109.5°

Methane, CH4

C

!e bonding in ethane is treated in much the same way:

H H

H

H

C

H

H

C

Ethane

!is problem was solved in 1931 by Linus Pauling, who suggested that the electronic con#gura-
tion of the carbon atom in methane does not necessarily have to be the same as the electronic con-
#guration of a free carbon atom. Speci#cally, Pauling mathematically averaged, or hybridized, the 2s 
orbital and the three 2p orbitals, giving four degenerate hybridized atomic orbitals (Figure 1.21). !e 
hybridization process in Figure 1.21 does not represent a real physical process that the orbitals undergo. 
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FIGURE 1.17
The LUMO of CH3Br.

FIGURE 1.18
An energy diagram showing the 
electron con!guration of carbon.
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orbitals of CH3Br. !is molecular orbital is capable of accommodating up to two electrons. Red 
and blue regions indicate the di"erent phases, as described in Section 1.6. As we saw with molecu-
lar hydrogen, not all molecular orbitals will be occupied. !e bonding electrons will occupy the 

lower energy molecular orbitals (such as the one shown in Figure 1.16), while the higher energy 
molecular orbitals remain unoccupied. For every molecule, two of its molecular orbitals 

will be of particular interest: (1) the highest energy orbital from among the occupied 
orbitals is called the highest occupied molecular orbital, or HOMO, and (2) the low-
est energy orbital from among the unoccupied orbitals is called the lowest unoccupied 
molecular orbital, or LUMO. For example, in Chapter 7, we will explore a reaction in 
which CH3Br is attacked by a hydroxide ion (HO−). In order for this process to occur, 

the hydroxide ion must transfer its electron density into the lowest energy, empty molec-
ular orbital, or LUMO, of CH3Br (Figure 1.17). !e nature of the LUMO (i.e., number of 

nodes, location of nodes, etc.) will be useful in explaining the preferred direction from which 
the hydroxide ion will attack.

We will use MO theory several times in the chapters that follow. Most notably, in Chapter 16, 
we will investigate the structure of compounds containing several double bonds. For those com-
pounds, valence bond theory will be inadequate, and MO theory will provide a more meaningful 
understanding of the bonding structure. !roughout this textbook, we will continue to develop both 
valence bond theory and MO theory.

1.9 Hybridized Atomic Orbitals

Methane and sp3 Hybridization
Let us now apply valence bond theory to the bonds in methane:
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Recall the electron con$guration of carbon (Figure 1.18). !is electron con$guration cannot satisfac-
torily describe the bonding structure of methane (CH4), in which the carbon atom has four separate 
C−H bonds, because the electron con$guration shows only two atomic orbitals capable of forming 
bonds (each of these orbitals has one unpaired electron). !is would imply that the carbon atom will 
form only two bonds, but we know that it forms four bonds. We can solve this problem by imagin-
ing an excited state of carbon (Figure 1.19): a state in which a 2s electron has been promoted to a 

FIGURE 1.19
An energy diagram showing the electronic excitation of an electron in 
a carbon atom.
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higher energy 2p orbital. Now the carbon atom has four atomic orbitals capable of forming bonds, 
but there is yet another problem here. !e geometry of the 2s and three 2p orbitals does not satisfac-
torily explain the observed three-dimensional geometry of methane (Figure 1.20). All bond angles 
are 109.5°, and the four bonds point away from each other in a perfect tetrahedron. !is geometry 
cannot be explained by an excited state of carbon because the s orbital and the three p orbitals do not 
occupy a tetrahedral geometry. !e p orbitals are separated from each other by only 90° (as seen in 
Figure 1.5) rather than 109.5°. 
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Rather, it is a mathematical procedure that is used to arrive at a satisfactory description of the observed 
bonding. !is procedure 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. Figure 1.22 shows 
an sp3-hybridized orbital. If we use these hybridized atomic orbitals to describe the bonding of meth-
ane, we can successfully explain the observed geometry of the bonds. !e four sp3-hybridized orbitals 
are equivalent in energy (degenerate) and will therefore position themselves as far apart from each other 
as possible, achieving a tetrahedral geometry. Also notice that hybridized atomic orbitals are unsym-
metrical. !at is, hybridized atomic orbitals have a larger front lobe (shown in red in Figure 1.22) and 
a smaller back lobe (shown in blue). !e larger front lobe enables hybridized atomic orbitals to be more 
e"cient than p orbitals in their ability to form bonds.

Using valence bond theory, each of the four bonds in methane is represented by the overlap 
between an sp3-hybridized atomic orbital from the carbon atom and an s orbital from a hydrogen 
atom (Figure 1.23). For purposes of clarity the back lobes (blue) have been omitted from the images 
in Figure 1.23.
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each of its four sp3-hybridized 
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!is problem was solved in 1931 by Linus Pauling, who suggested that the electronic con#gura-
tion of the carbon atom in methane does not necessarily have to be the same as the electronic con-
#guration of a free carbon atom. Speci#cally, Pauling mathematically averaged, or hybridized, the 2s 
orbital and the three 2p orbitals, giving four degenerate hybridized atomic orbitals (Figure 1.21). !e 
hybridization process in Figure 1.21 does not represent a real physical process that the orbitals undergo. 
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sp3 hybrid orbital



Hybrid Orbital Theory

• sp2 hybrid: trigonal planar
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Hybrid Orbital Theory
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Hybrid Orbital Theory

• sp hybrid: linear
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Hybrid Orbital Theory
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Hybrid Orbital Theory
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Hybrid Orbital Theory

• Practice
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Bond Length
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sp3 sp2 sp



VSEPR Theory

• VSEPR theory: repulsion maximizes the distance between electron pairs in space

• Used to predict molecular geometries
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VSEPR Theory
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Molecular Polarity

• Electrostatic Potential Map
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Molecular Polarity

• Dipole moment (𝜇): an indicator of polarity

𝜇 = 𝛿 × 𝑑

1 Debye = 10!"# esu . cm
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Molecular Polarity

• Measuring % ionic characteristics
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Molecular Polarity

• Molecular dipole moment: vector sum of bond dipole moments
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Molecular Polarity

• Practice
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IMF & Physical Properties

• Dipole-Dipole Interactions
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IMF & Physical Properties

• Hydrogen Bonding
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IMF & Physical Properties

• London Dispersion Forces
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Solubility

• “Like dissolve like”

• Polar compounds dissolve in polar solvents

• Nonpolar compounds dissolve in nonpolar solvents

• Surfactant: soaps, detergents, shampoos
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Solubility

• Dry-cleaning

Unlike using water, dry cleaning uses non-polar solvents, such as tetrachloroethylene, to 

clean clothes, which can ensure that clothes are not damaged by water.
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Chem Principle Review
Structure, Thermodynamics & Kinetics, Acid & Base



Thermodynamics

• State functions

• Example: 𝐻 (enthalpy), 𝑆 (entropy), 𝐺 (Gibbs free energy)

• The change of the state function only depends on the initial state and the 

final state of the system
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Thermodynamics

• Enthalpy
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Thermodynamics

• Entropy: a measurement of system chaos

77

The Second Law: the entropy of an isolated system increases in the course 

of a spontaneous change: ΔStot > 0



Thermodynamics
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Thermodynamics

• Gibbs free energy: the spontaneity of reactions
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Thermodynamics

• Deriving Gibbs free energy from ΔStot
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Thermodynamics
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spontaneous nonspontaneous



Thermodynamics

• Spontaneity and different state functions
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Thermodynamics

• Chemical equilibrium
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Kinetics

• Kinetics: the speed of reactions
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Kinetics

• Activation energy (Ea) & reaction rates
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Kinetics
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Kinetics

• Factors affecting reaction rate

1. Temperature

2. Concentration (liquid phase reaction)

3. Pressure (gaseous phase reaction)

4. Surface area, structures

5. Catalyst
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𝑘 = 𝐴𝑒$
%!
&'

Arrhenius equation



Comparison between T& K

88

the essence of kinetics: rate the essence of thermodynamics: equilibrium



Selectivity
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thermodynamics: C+D favors
kinetics: C+D favors

thermodynamics: C+D favors
kinetics: E+F favors
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Brønsted-Lowry Acid & Base

91

• Brønsted-Lowry acid & base theory



Brønsted-Lowry Acid & Base

• Arrow-pushing
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Brønsted-Lowry Acid & Base

• Direction of arrow – flowing of electrons
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conjugate acid conjugate baseacidbase



Brønsted-Lowry Acid & Base

• Practice
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Acidity and pKa

• Measurement of acidity: pKa
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Acidity and pKa
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Acid Conjugate
BasepKa Acid Conjugate

BasepKa Acid Conjugate
BasepKa



Acidity and pKa

• pKa can be used to determine the direction of acid-base reactions
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the reaction goes forward



Acidity and pKa

• Practice
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Lewis Acid & Base

• Lewis acid & base theory

99

non-proton acid & base
reaction

proton acid & base
reaction



Lewis Acid & Base

• Practice
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