
Atomic Structure & Periodic Table
Unit 7 - IB 



Quantum Mechanical Model

Each orbital can only hold 
2 electrons, each with 
opposite spins 

Pauli Exclusion Principle



Electron Sub-Energy Levels (s-orbital)

Electrons fill orbitals 
lowest energy first 

spherical in shape 
and holds only 2 e- 

total.



p-Orbital
(x, y, z) are dumbbell 
shaped 

Each holds 2 e- 

hold up to 6 e- total



d-Orbitals
4-leaf clover shaped 
5 types of d-orbitals; 
each holding 2 
electrons 
total of 10 e-’s





Hund’s Rule!
Sub-shells (s, p, d) are most stable when they are half full or completely 
filled with electrons. 

Electrons fill orbitals one electron at a time (because they repel) 

All seats get filled with one person each first, then they double up.



Electron Configuration Continued
Example:  1s2 

1 = energy level, s = orbital type, 2 = # of e- are in it. 

Writing electron configuration:  go from left to right across periods of 
the periodic table, write all symbols from each ‘block’ (s, p, d, or f) 

Li = 1s22s1 

Na = 1s22s22p63s1 

Ti = 1s22s22p63s23p64s23d2



Aufbau Principle

Aufbau is the German word for 
‘building up’.  

Electrons fill orbitals that have the 
lowest energy first.

An Electron Occupies the Lowest Energy Level Available
The Pauli exclusion principle is one rule to help you write an electron
configuration for an atom. Another rule is the aufbau principle. Aufbau is
the German word for “building up.” The states that
electrons fill orbitals that have the lowest energy first.

Recall that the smaller the principal quantum number, the lower the
energy. But within an energy level, the smaller the l quantum number, the
lower the energy. Recall that chemists use letters to represent the l quan-
tum number. So, the order in which the orbitals are filled matches the
order of energies, which starts out as follows:

1s < 2s < 2p < 3s < 3p

After this point, the order is less obvious. Figure 22 shows that the energy
of the 3d orbitals is slightly higher than the energy of the 4s orbitals. As
a result, the order in which the orbitals are filled is as follows:

1s < 2s < 2p < 3s < 3p < 4s < 3d

Additional irregularities occur at higher energy levels.
Can you determine which orbitals electrons of a carbon atom occupy?

Two electrons occupy the 1s orbital, two electrons occupy the 2s orbital, and
two electrons occupy the 2p orbitals. Now try the same exercise for titanium.
Two electrons occupy the 1s orbital, two electrons occupy the 2s orbital, six
electrons occupy the 2p orbitals, two electrons occupy the 3s orbital, six
electrons occupy the 3p orbitals, two electrons occupy the 3d orbitals, and
two electrons occupy the 4s orbital.

aufbau principle aufbau principle

the principle that states that 
the structure of each successive 
element is obtained by adding
one proton to the nucleus of 
the atom and one electron to 
the lowest-energy orbital that 
is available
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Figure 22
This diagram illustrates how
the energy of orbitals can
overlap such that 4s fills
before 3d.
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Another Approach

Can also ‘draw’ electron configuration as 
levels with arrows to represent electrons. 

Ex:  sodium (11 electrons) 

1s ↾⇂  2s ↾⇂  2p ↾⇂ ↾⇂ ↾⇂  3s ↾_
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ELECTRON CONFIGURATION AND THE PERIODIC TABLE 
 

Now, let’s connect this information to the periodic table. (If you had trouble with the previous page, this may help) 

Read p. 166 in your textbook – the section titled “Blocks of Elements” and examine the periodic table below. 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

You can use this pattern on the periodic table to help you determine the electron configuration of an element. As  

you increase in atomic number (and hence # of electrons), you enter these orbital shell BLOCKS, identified with  

s, p, d, or f.  

 

Try it! Use the periodic table “blocks” to help you write the electron configuration of these elements: 

 

Chlorine: ________________________________    Vanadium: _________________________________ 

 

Barium: _________________________________    Krypton: ___________________________________ 

         

 

 

 

 

 

 

 

 

 

 

 



Let’s try some other examples

Nitrogen 

Oxygen 

Magnesium 

Bromine 

Iron
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Coulomb’s Law
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MORE ABOUT: PERIODIC TRENDS 
 
• Many chemical and physical property trends in the Periodic Table can be explained by COULOMB’s LAW: 

 

  F  =  k Q1Q2        This says that the force of attraction or repulsion (F)   

            r
2
     between 2 particles is dependent on the product of the charges  

      of the particles (Q1 and Q2) divided by the distance between the two 

      particles (r) squared.  

      (k is a constant dependent on the nature of the particles) 

 

We need to consider a number of quantites related to atoms of elements: 

 

 1. Size of the atom (the radius - from center of nucleus to outer electron shell) 

 

 2. Nuclear charge (the number of protons in the nucleus) 

 

 3. Shielding (number of “inner” electrons, NOT valence electrons) 

 

 4. Effective nuclear charge (nuclear charge – shielding) 

 

 

Let’s look at 3 metals, make some “observations” based on structure, and draw some conclusions about trends based 

on Coulomb’s Law.        

 

 

    Na         Mg 

    

    K 

     

 

 

1. Size of atoms:  

• K is bigger than Na because K has 4 shells and Na has only 3 

 

• Na and  Mg   ?????? We need to consider Coulomb’s Law 

 

 

 

2. Nuclear charge:       +11      +12  3. Shielding:  -10       -10 

      (inner electrons)    

                  +19      -18  

  

 

4. Effective Nuclear Charge:      +1        +2  

   (#2 - #3)         

            +1 

            

 

 

 

The force of attraction or repulsion (F) between 2 particles is 
dependent on the product of the charges of the particles (Q1 and Q2) 
divided by the distance between the two particles (r) squared. 
*(k is a constant dependent on the nature of the particles.)



Extras!

Isoelectronic:  Same # of electrons 

Noble Gas orbital notation:  [Ne]3s1 

Effective Nuclear Charge:  Coulomb’s Law, 
practical applications



Effective Nuclear Charge
Nuclear Charge:  Given by the atomic number and increases by 
one as you go across a period. 

Outer electrons do not feel all of this attractive force because 
they are ‘shielded’ by the inner electrons. 

Therefore, the ‘effective’ charge the outer electrons feel is less 
than the nuclear charge (# of protons). 

Let’s look at an example…



Effective Nuclear Charge
Consider, for example, a sodium atom. The nuclear charge is given by the 
atomic number of element (Z = 11). The outer electron in the 3s orbital is, 
however, shielded from these 11 protons by the 10 electrons in the first and 
second principal energy levels (1s22s22p6).

Element Na Mg Al Si

Nuclear Charge 11 12 13 14

Electron 
Configuration

[Ne]3s1 [Ne]3s2 [Ne]3s23p1 [Ne]3s23p2

Effective Nuclear 
Charge

+1 +2 +3 +4

Atomic Radius 160 140 124 114


