
•  In 2002, there were 115 elements known. 
•  The majority of the elements were discovered between 1735 and 1843. 
•  How do we organize 115 different elements in a meaningful way that will allow us to make 

predictions about undiscovered elements? 
•  Arrange elements to reflect the trends in chemical and physical properties. 
•  First attempt (Mendeleev and Meyer) arranged the elements in order of increasing atomic 

weight. 
•  Certain elements were missing from this scheme.   

Example: In 1871, Mendeleev noted that As properly belonged underneath P and not Si, 
which left a missing element underneath Si.  He predicted a number of properties for this 
element.  In 1886 Ge was discovered.  The properties of Ge match Mendeleev’s 
predictions well. 

•  Modern periodic table: arrange elements in order of increasing atomic number. 



•  Electrons ordinarily occupy orbitals of the lowest energy available. 
•  No two electrons in the same atom may have all four quantum numbers alike. 
•  Pauli exclusion principle: one atomic orbital can accommodate no more than two electrons, and 

these electrons must have opposing spins. 
•  Of a group of orbitals of identical energy, electrons enter empty orbitals whenever possible 

(Hund’s rule). 
•  Electrons in half-filled orbitals have parallel spins (same direction). 

• Core electrons: electrons in [Noble Gas]. 
• Valence electrons: electrons outside of [Noble Gas].
 The spdf notation 

uses numbers to 
designate a principal 
shell and letters (s, p, 
d, f) to identify a 
subshell; a 
superscript indicates 
the number of 
electrons in a 
designated subshell. 

N: 
orbital (box) diagram 



•  The periodic table can be used as a guide for electron configurations. 
•  The period number is the value of n. 
•  Groups 1A and 2A have the s-orbital filled. 
•  Groups 3A - 8A have the p-orbital filled. 
•  Groups 3B - 2B have the d-orbital filled. 
•  The lanthanides and actinides have the f-orbital filled. 

• Noble-gas-core abbreviation: we can 
replace the portion that corresponds to the 
electron configuration of a noble gas with 
a bracketed chemical symbol. It’s easier to 
write … 

 (Z = 3) Li  [He]2s1 

(Z = 22) Ti [Ar]4s2 3d2 





Half-filled d subshell plus 
half-filled s subshell has 
slightly lower in energy 

than s2 d4. 

Filled d 
subshell plus 
half-filled s 
subshell has 

slightly lower 
in energy than 

s2 d9. 

• The valence shell is the outermost occupied principal shell.  The valence shell contains the valence 
electrons. 
• For main group elements, the number of valence shell electrons is the same as the periodic table group 
number (2A elements: two valence electrons, etc.) 
• The period number is the same as the principal quantum number n of the electrons in the valence shell. 
• Electrons in inner shells are called core electrons. 

Example:  As  [Ar] 4s2 3d104p3 

Five valence electrons, for which n = 4 

28 core electrons 



Electron Configurations of Ions (Section 8.5 and 8.7) 
• To obtain the electron configuration of an anion by the aufbau process, we simply add the additional 
electrons to the valence shell of the neutral nonmetal atom. 
• The number added usually completes the shell. 
• A nonmetal monatomic ion usually attains the electron configuration of a noble gas atom. 

 O2– :     [Ne] 
 Br– :     [Kr] 

• A metal atom loses electrons to form a cation. 
• Electrons are removed from the configuration of the atom. 
• The first electrons lost are those of the highest principal quantum number. 
• If there are two subshells with the same highest principal quantum number, electrons are lost from the 
subshell with the higher l. 

Atom   Ion   (or) 
F 1s2 2s22p5  F– 1s2 2s22p6  [Ne] 
S [Ne] 3s2 3p4  S2– [Ne] 3s2 3p6  [Ar] 
Sr [Kr] 5s2  Sr2+ [Kr] 5s2  [Kr] 
Ti [Ar] 4s2 3d2  Ti4+ [Ar] 4s2 3d2  [Ar] 
Fe [Ar] 4s2 3d6  Fe2+ [Ar] 4s2 3d6  [Ar] 3d6 



Magnetic Properties (Section 8.7) 
• Diamagnetism is the weak repulsion associated with paired electrons. 
• Paramagnetism is the attraction associated with unpaired electrons. 

– This produces a much stronger effect than the weak diamagnetism of paired electrons. 
• Ferromagnetism is the exceptionally strong attractions of a magnetic field for iron and a few other 
substances. 

A sample of chlorine gas is 
found to be diamagnetic. 
Can this gaseous sample be 
composed of individual Cl 
atoms?




Effective Nuclear Charge (8.3 and 8.6) 
•  Effective nuclear charge is the charge experienced by an electron on a many-electron atom. 
•  The effective nuclear charge is not the same as the charge on the nucleus because of the effect of the 

inner electrons. 
•  Electrons are attracted to the nucleus, but repelled by the electrons that screen it from the nuclear 

charge.  
•  The nuclear charge experienced by an electron depends on its distance from the nucleus and the 

number of core electrons. 
•  As the average number of screening electrons (S) increases, the effective nuclear charge (Zeff) 

decreases. 
•  As the distance from the nucleus increases, S increases and Zeff decreases. 
• The ns orbitals all have the same shape, but have different sizes 
and different numbers of nodes. 
• Consider: He: 1s2, Ne: 1s2 2s22p6, and Ar: 1s2 2s22p6 3s23p6. 
• The radial electron density is the probability of finding an 
electron at a given distance. 

Z = # of protons


S = # of core electrons




•  Consider a simple diatomic molecule. 
•  The distance between the two nuclei is called the bond distance. 
•  If the two atoms which make up the molecule are the same, then half the 

bond distance is called the covalent radius of the atom. 
•  As the principal quantum number increases, the size of the orbital increases. 
•  Consider the s orbitals. 
•  All s orbitals are spherical and increase in size as n increases. 
•  The spherical symmetry of the orbitals can be seen in the contour plots. 
•  Contour plots are connecting points of equal electron density. 

Periodic Trends in Atomic Radii 
• As a consequence of the ordering in the periodic 
table, properties of elements vary periodically. 
• Atomic size varies consistently through the 
periodic table. 
• As we move down a group, the atoms become 
larger. 
• As we move across a period, atoms become 
smaller. 
There are two factors at work: 

• principal quantum number, n, and 
• the effective nuclear charge, Zeff. 



Trends in the Sizes of Ions (Section 8.7) 
•  Ion size is the distance between ions in an ionic compound. 
•  Ion size also depends on nuclear charge, number of electrons, and orbitals that contain the 

valence electrons. 
•  Cations vacate the most spatially extended orbital and are smaller than the parent ion. 
•  Anions add electrons to the most spatially extended orbital and are larger than the 

parent ion. 
• For ions of the same charge, ion 
size increases down a group. 
• All the members of an 
isoelectronic series have the same 
number of electrons. 
• As nuclear charge increases in an 
isoelectronic series the ions 
become smaller: 
O2- > F- > Na+ > Mg2+ > Al3+ 



•  The first ionization energy, I1, is the amount of energy required to remove an electron from a gaseous 
atom:  Na(g) → Na+(g) + e-. 

•  The second ionization energy, I2, is the energy required to remove an electron from a gaseous ion: 
  Na+(g) → Na2+(g) + e-. 

•  The larger ionization energy, the more difficult it is to remove the electron. 

Periodic Trends in Ionization Energies 
• Ionization energy decreases down a group.  
• This means that the outermost electron is more 
readily removed as we go down a group. 
• As the atom gets bigger, it becomes easier to 
remove an electron from the most spatially 
extended orbital. 

• Ionization energy generally increases across 
a period. 
• As we move across a period, Zeff increases.  
Therefore, it becomes more difficult to 
remove an electron. 

• Two exceptions: removing the first p electron and 
removing the fourth p electron. 

• The s electrons are more effective at shielding than p electrons. Therefore, forming the s2p0 
becomes more favorable. 
• When a second electron is placed in a p orbital, the electron-electron repulsion increases.  
When this electron is removed, the resulting s2p3 is more stable than the starting s2p4 
configuration.  Therefore, there is a decrease in ionization energy.




Electron Configuration of Ions 
•  Cations: electrons removed from orbital with highest principle quantum number, n, first: 

  Li (1s2 2s1) ⇒ Li+ (1s2)  
  Fe ([Ar]3d6 4s2) ⇒ Fe3+ ([Ar]3d5)  

•  Anions: electrons added to the orbital with highest n: 
  F (1s2 2s2 2p5) ⇒ F- (1s2 2s2 2p6)  

Variations in Successive Ionization Energies 
•  There is a sharp increase in ionization energy when a core electron is removed. 



•  Electron affinity is the opposite of ionization energy. 
•  Electron affinity is the energy change when a gaseous atom gains an electron to form a 

gaseous ion: 
Cl(g) + e- → Cl-(g) 

•  Electron affinity can either be exothermic (as the above example) or endothermic: 
Ar(g) + e- → Ar-(g) 

•  Look at electron configurations to determine whether electron affinity is positive or negative.   
•  The extra electron in Ar needs to be placed in the 4s orbital which is significantly higher in 

energy than the 3p orbital. 



Metals 
• Metallic character refers to the properties of metals (shiny  or lustrous, malleable and 
ductile, oxides form basic ionic solids, and tend to form cations in aqueous solution). 
• Metallic character increases down a group. 
• Metallic character decreases across a period. 
• Metals have low ionization energies. 
• Most neutral metals are oxidized rather than reduced. 



A Summary of Trends 



Group 2A: The Alkaline Earth Metals 

Group 7A: The Halogens 


