
 

STUFF YOU SHOULD KNOW ALREADY 
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o IONIC BOND 

 

 ATOMIC STRUCTURE 

o HUND’S RULE 

o PAULI EXCLUSION PRINCIPLE 

o OCTET RULE 

 

 COVALENT BONDING 

o BOND DISSOCIATION ENERGY 

o HOMOLYTIC BOND CLEAVAGE 

o HETEROLYTIC BOND CLEAVAGE 

 

 LEWIS STRUCTURES 

o VALENCE ELECTRONS 

o RESONANCE STRUCTURES 

o DIPOLE 

o NON-BONDING ELECTRONS (LONE PAIRS) 

o FORMAL CHARGE 

 

 MOLECULAR ORBITALS 

o BONDING ORBITALS 

o ANTIBONDING ORBITALS 

 

 ACID/BASE CHEMISTRY 

o LEWIS ACID 
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o NEUTRALIZATION 

 

 

 

 



 

BABY QUANTUM MECHANICS 

 Quantum numbers:Schrödinger said that the energy and position of electrons can be described by 

four quantum numbers: 

o The first quantum number is called “n.” n can have infinite integer values (1, 2, 3….infinity). 

The average distance from the nucleus increases with n, thus the different values of n are 

often called “shells.” 

o The second quantum number, l, represents an orbital inside n. A famous German physicist, 

Heisenberg, discovered that one cannot know the precise location and energy of a subatomic 

particle simultaneously. Thus we can know the precise energy of an electron but not its 

precise location. Due to this phenomenon, orbitals are not finite paths, but “probability 

densities.” A probability density is an area where an electron of certain energy will likely be 

found. The orbitals described by the quantum number l take on specific shapes. l can be any 

value of n-1. Each value has a different shape.  

 For example, if n = 1, l can only be 0. 0 represents a specific orbital shape, a 

sphere. We call this sphere “s.” 

 If n = 2, l can be 0 and 1. 0 represents a sphere. l = 1 represents a dumbbell shape.  

We call this a “p.” 

o The third quantum number, is called the magnetic number or “m.” It tells you how many 

orbitals of a specific shape there are in a shell n. It also tells the orientation in space. It takes 

values of –l to l. 

 For example, if n = 2, l can be 0, and 1. l = 0 is a sphere. m can only be one value: 

0. Thus there is one s orbital in the shell n =2.l = 1 is a dumbbell, or p orbital. m 

can be -1, 0, 1. Thus there are three p orbitals in n = 2. 

o The fourth quantum number is the electron spin number. Electrons are waves and can only 

have certain energy values (energy is quantized). Waves are composed of crests and troughs. 

An electron can have the value of a crest or “spin up” or the value of a trough “spin” down. 

An orbital can fit one of each. This rule is called the Pauli Exclusion Principle.It states that 

no two electrons in an atom can have the same set of four quantum numbers. 

 

 Nodes and density of orbitals: As n increases, the electron density has it’s highest values farther 

away from the nucleus. For example, an electron in the s orbital at the n =1 level is most likely found 

approximately 0.5 angstroms away from the nucleus. For an s orbital in the n = 2 level, the electron is 

mostly likely found farther than 0.5 angstroms away from the nucleus. Notice that there is a space 

between areas of high electron density in the 2s orbital. This is called a “node.” It is a space around 

the nucleus where an electron is unlikely to be found. As n increases, the number of nodes increases. 

 

http://chem-guide.blogspot.kr/2010/04/shape-of-atomic-orbital-s-and-p.html 

 



 

Notice that the electron density also becomes more spread out as n increases. Likewise for 2p, 3p, and 4p 

orbitals: 

 

 

http://winmostar.com/nebula/gallery_eng1.html 

d orbitals look like the following:  

 

 

http://www.sciencesway.info/vb/showthread.php?t=14879 

Four look like clovers. The fifth orbital looks strange. However, for a hydrogen atom with one electron, 

they are all the same energy regardless of their shape.  

 

 Atoms with many electrons: So far we have discussed the orbitals and energies of the hydrogen 

atom, which has one electron. All these orbitals exist for hydrogen, but only the 1s orbital has an 

electron. The other orbitals are unoccupied. Their energies are described by the principle quantum 

number, n: 
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However, for atoms with many electrons, the orbitals have slightly different energies: 
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This happens for two reasons: 

1) Electrons repel each other 

2) Electrons closer to the nucleus shield electrons farther away from the nucleus from the positive 

charge.  Electrons closer to the nucleus have less energy while electrons farther from the nucleus 

have more energy 

 

In a many-electron atom, for a given value of n, the energy of an orbital increases with increasing value 

of l. Depending on the number of electrons an atom has, the relative energies of orbitals will differ.  

 

 

 

http://hyperphysics.phy-astr.gsu.edu/hbase/pertab/perfill.html 

Electron Configurations: For a many electron atom, we fill the orbitals from low to high energy. 

 

Hydrogen: 1s
1
 

Helium: 1s
2
 

Then we move on to fill the second shell: 

Lithium: 1s
2
 2s

1
 

Beryllium  1s
2
 2s

2
 

B 1s
2
 2s

2
 2p

1
 

 



What happens when we reach carbon? 

 

 

http://commons.wikimedia.org/wiki/File:Orbital_diagram_carbon_-_Hund%27s_Rule.svg 

Why? Hund’s Rule: for degenerate orbitals fill each of them with one electron before you start pairing 

electrons. Why? Because like charges repel each other. Also, the electrons in these half filled orbital 

should have the same spin.  

Condensed electron configurations: Noble gases do not react. They have electron configurations that 

are stable. They have shells that are completely filled. These completely filled shells don’t participate in 

chemical reactions. We don’t really need to worry about them. Thus, instead of writing a long electron 

configuration for potassium we can condense it by using argon: 

 

K = 1s
2
 2s

2
 sp

6
 3s

2
 3p

6
 4s

1
 

Ar = 1s
2
 2s

2
 sp

6
 3s

2
 3p

6
 

Thus, K = [Ar] 4s
1
 

 

 

 

 

 

 

 

 

 

 



 

BONDING 

Lewis Symbols 

Bonding is all about the interaction of valance electrons, electrons in the outermost shell. The way we 

keep track of valance electrons is by using Lewis-dot symbols.  They consist of the chemical symbol and 

a dot representing each valence electron: 

 

Cl : 1s
2
 2s

2
 2p

6
 3s

2 
3p

5
 

 

 

 

 

 

Notice that the electrons are paired.  Pairs of electron that do not participate in a bond are called “lone 

pairs.”  

Octet Rule: Atoms gain or lose electrons to have the same electron configuration as a noble gas.  All 

noble gases except helium have eight valance electrons, thus many atoms that undergo chemical reactions 

end up with eight valance electrons. This is known as the “Octet Rule.” This rule states that atoms gain or 

lose electrons to reach eight valance electrons (full s and p orbitals). As always, there are exceptions to 

this rule.  

Exception:Transition metals: lose electrons from the subshell with the highest n. 

Ionic Bonding 

Interaction of a metal and a non-metal. An anion and a cation. 

 

Example: Sodium Chloride. Sodium wants to lose an electron and become +1. Chloride would like to 

gain an electron and become -1. An electron transfer between sodium and chloride occurs. Opposite 

charges attract. This is an ionic bond. 

Consider two magnets. The opposite poles of a magnet attract. If I hold the magnets infinitely far apart, 

they do not pull on each other. Thus, the potential energy between them is very close to zero. As I 

decrease the distance betweenthem, they begin to pull on each other and the magnitude of potential 

energy increases. 

S



If I hold the same poles of magnets (negative and negative or positive and positive) infinitely far apart, 

they will not repel each other. Thus the potential energy between them is very close to zero. As I decrease 

the distance between them, they begin to repel each other and the magnitude of potential energy increases.  

The potential energy between charged particles can be described by the following: 

Eel = kQ1Q2 / d 

Q is the charge of an ion 

d is the distance between the centers of the ions 

k is a constant: 8.99*10
9
 J-m/C

1
 

If two negatively charged particles or two positively charged particles repel each other, Eel is positive. Eel 

is the potential energy of repulsion.   

If two oppositely charged particles attract each other Eel is negative. It is the potential energy of attraction.  

Note that as the distance between two particles increase, the magnitude of the potential energy decreases 

and approaches zero.  

Lets look at the case of two oppositely charged ions. If distance is inversely related to the potential energy 

between two oppositely chargedions,isn’t the lowest potential energy (where attraction is the highest) 

when the distance between two charged particles is infinitely small? 

 

 

 

http://commons.wikimedia.org/wiki/File:Argon_dimer_potential_and_Lennard-Jones.png 



The answer is NO. Look the Lennard-Jones potential energy graph above. When I bring two oppositely 

charged ions closer together, the attraction becomes greater and Eel becomes more negative. The potential 

energy of attraction is greatest at approximately 3.8 Angstroms. If the ions get closer, potential energy 

becomes positive and they repel each other. This is because their positively charged nuclei are too close to 

each other. The minimum energy of two oppositely charged particles that attract each other occurs at a 

particular distance. This distance is called the bond length.  

Covalent Bonding 

For two atoms to participate in ionic bonding, one atom must attract electrons more than the other atom. 

One atom loses electrons to become positive and the other atom gains those electrons to become negative. 

This desire for more electrons is called the atom’s “electronegativity.” The higher the electronegativity, 

the more the atom wants electrons.  

There is a trend in the periodic table. As we go from left to right, electronegativity (E.N.) increases. As 

we go down to up, electronegativity also increases. 

In Ionic bonding one atom must have a low electronegativity and the other must have a high electron 

affinity. Although there is no rule, a difference in 1.7 Pauling units is usually needed to classify a bond as 

ionic.  

What if atoms have similar electronegativity (they both attract electrons with equal strength)? These 

atoms attain a noble gas electron configuration by sharing electrons. 

Example: Hydrogen gas. Each hydrogen atom has one electron. To attain a noble gas configuration (He), 

they each need one more electron. They can share the one electron each has. The sharing of two electrons 

is represented as a line: 

 

 

 

Note that the electrons spend most time between the two nuclei because the shared electrons are attracted 

by both nuclei.  

Example: Chlorine gas. 

 

 

 



Multiple bonds: In order for some atoms to obey the octet rule, they must share multiple electrons. Each 

shared pair is represented by a line.  

Example: Carbon Dioxide 

 

 

 

Example: Nitrogen gas 

 

 

 

The more bonds, the shorter the distance between nuclei due to the greater attraction between one atoms 

nucleus and the others electrons.  

Bond Polarity and Electronegativity 

If two atoms of the same element are bonded together, they share electrons equally.  This is called a 

nonpolar covalent bond. However, one atom may have slightly more electronegativity than the other atom. 

In other words, one atom may attract the shared electrons more than the other. Bonds of this type are 

called polar covalent bonds. What does this mean? The electrons are shared unequally.  

 

Example:  Hydrogen Fluoride 

 

 

Fluorine has a higher electronegativity than hydrogen (but not enough for HFto be classified as an ionic 

bond), thus the shared electrons in the bond between fluorine and hydrogen will spend more time near 

fluorine than hydrogen. Hydrogen will feel slightly positive (+), while fluorine will feel slightly negative 

(-).  This is called a “dipole.” 

We show a dipole by the following: 



 

The positive sign is above the less electronegative element to show that it is slightly positive.  

Dipoles can be described by the following equation: 

 = Qr 

is the dipole moment. 

Q is the slight negative or positive charge caused by the difference in electronegativity. 

r is the distance between nuclei.   

The dipole increases as r or Q increases. 

Note: Not all molecules containing polar covalent bonds have dipole moments: 

 

Sometimes dipoles cancel. 
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DRAWING LEWIS STRUCTURES 

Lewis structures represent how atoms are bonded in molecules. Below are some rules that will help you 

draw Lewis structures.  

Lewis Structure Rules:  

1) Sum the valence electrons from all atoms. 

2) Write the symbols for the atoms and connect them with a single bond ( a dash representing two 

electrons). Remember that chemical formulas are written in the order in which atoms are 

connecting in the molecule.  The central atoms are usually the less electronegative atom.  

3) Complete the octets of the atoms bonded to the central atom. (Remember that hydrogen atom has 

only a single pair of electrons. It wants to look like helium.  

4) Place any leftover electrons on the central atom (even if doing so results in more than an octet of 

electrons. 

5) If there are not enough electrons to give the central atom an octet, try multiple bonds.  

 

Example: Draw Lewis structures for the following: 

 

PBr3 

 

 

 

N2H2 

 

 

 

CH3OH 

 

 

 

NO2
1- 

 



 

C2H4 

 

 

Formal Charges 

Sometimes there can be more than one possible Lewis structure. How do we decide what Lewis structure 

is the best? To do this we use a concept called “formal charge.” Formal charge is the charge the atom 

would have if all the atoms in the molecule had the same electronegativity (if each pair of electrons were 

shared evenly).  

 

Formal Charge Rules: 

1) All unshared electrons are assigned to the atom on which they are found. 

2) For any bond, half of the bonding electrons are assigned to each atom participating in the bond.  

3) The formal charge of each atom is calculated by subtracting the number of electrons assigned to 

the atom from the number of valance electrons on the neutral atom. 

4) The sum of the formal charges must equal the charge of the molecule.  

Note: Formal charges DO NOT represent REAL charges on atoms. They just help us determine what 

Lewis structure is the best. 

The dominant, most important Lewis structure (the structure that most accurately shows what the 

molecule looks like) can be determined by the following: 

5) The dominant Lewis structure is the one that minimizes formal charges. 

6) Negative charges are on more electronegative atoms and vise versa. 

 

Example: Nitrate NO3
- 
. Which is a better Lewis structure and why? 

 

versus  

 

The right one is the best one. There is too much separation of charge on the left Lewis structure.  Also, 

look at rule number 6 for formal charges. 

 

 



 

RESONANCE STRUCTURES 

Consider nitrate again (NO3
-
) 

We determined which Lewis structure for nitrate is the best: 

 

versus  

 

It’s the one on the right. Sometimes the structure of molecules is not accurately depicted by one Lewis 

structure. The structure on the right indicates that one nitrogen oxygen bond is shorter and stronger than 

the others. Experimentally, all three nitrogen oxygen bonds are the same length and strength; they are the 

same. The molecule behaves as the combination of the following three structures: 

 

 

What nitrate looks like is actually an average of these three structures. There isn’t a single bond between 

the nitrogen and oxygen. There isn’t a double bond. In reality, 1.3 bonds bond each oxygen to the 

nitrogen. 

Is this a resonance structure? 

 

Example: Ozone O3 

Consider ozone. Ozone has 18 valence electrons. A Lewis structure can be drawn as follows: 

 

N

OO

O



 

 

This means that the bond on the left is different (stronger and shorter) than the bond on the right. 

Experimentally, this is not true; the bonds are equal. The molecule behaves as the combination of the 

following two structures: 

 

 

These two structures are called “resonance structures.”(Notice the formal charges written on two oxygens.) 

Resonance structures are drawn inside brackets and are connected by a double-sided arrow. 

What ozone really looks like is the average of these two structures. It does not “oscillate” between these 

structures.  Upon averaging these two structures, you will see that the each oxygen is connected to 

another oxygen, not by a single bond, not by a double bond, but by one and a half bonds.  

Note that the atomic arrangement is the same; only the location of electrons is different. Lewis structures 

can have different arrangement of atoms. Resonance structures can only have different arrangements of 

electrons. When drawing resonance structures, do not break single bonds.  

Example: Benzene (C6H6). Experimentally, all carbon-carbon bonds are the same strength and length. So 

each carbon must be bonded to another carbon by 1.5 bonds. 

 

 



 

MOLECULAR ORBITAL THEORY 

Electrons behave as particles and waves. For our discussion of molecular orbital theory, we will think of 

them as waves. Because electrons are standing waves, we can also think of their orbits as waves. 

Schrodinger describes them with wave equations. Solving these wave equations gives wave functions. 

Wave functions can be positive in one region and negative in another region. Do not think of these 

negatives and positives as charges; the solutions to these wave equations are mathematical.  

Side note: The square of the wave function gives you the probability distributions, or shapes of the 

orbitals. (What happens when the square of a wave function is zero in a particular region?) 

Bonding occurs by the interaction of orbitals containing valence electrons (atomic orbitals). We can think 

of the interaction of orbitals as standing waves: 

 

 

http://method-behind-the-music.com/mechanics/physics 

Waves can interact destructively or constructively. Constructive interaction gives a resulting wave of 

higher amplitude. When waves interact destructively, they cancel. 

Atomic orbitals interact constructively are called molecular bonding orbitals. Atomic orbitals that interact 

destructively are called molecular antibonding orbitals. Now prepare for the weirdness: atomic orbitals 

combine in both ways simultaneously. The most important thing to remember is that the number of 

atomic orbitals that interact equals the number or molecular orbitals they form: 

Atomic orbitals in = Molecular orbitals out 

Antibonding orbitals are less stable than bonding orbitals. When atomic orbitals combine to form 

molecular orbitals, antibonding orbitals and bonding orbitals are formed. Electrons always occupy the 

bonding orbitals first.  



Example: Hydrogen gas 

 

 

 

http://www.science.uwaterloo.ca/~cchieh/cact/c120/mo.html 

Molecular orbital theory can tell you if a molecule is stable or not.  

Example: Is He2 stable? 

 



 

http://www.chem.ucalgary.ca/courses/350/Carey5th/Ch02/ch2-2-3.html 

Example: Fill in the following molecular orbital diagram for Oxygen gas, O2. Is oxygen gas stable? 

 

 

http://www.chem.queensu.ca/people/faculty/mombourquette/firstyrchem/molecular/orbitals/index.htm 

 

Notice there are π and σ symbols. σ represents atomic orbitals that come into direct contact with each 

other to form molecular orbitals. Π represents atomic orbitals that do not come into direct contact; their 

overlap is called “adjacent overlap.” 

The closer in energy two orbitals are, the more strongly they interact and the lower the energy of the 

bonding orbital. The antibonding orbital is also correspondingly higher in energy.  



Example: Describe the interactions between these sets of orbitals: 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



 

ACIDS AND BASES 

Lewis acid: 

Lewis base: 

Oganic chemists call lewis acids electrophiles and lewis bases nucleophiles. 

Example: Which is the lewis acid and which is the lewis base? 

 

http://en.wikipedia.org/wiki/Lewis_acids_and_bases 


