A Short History of the Periodic Table 

· In 1789, Antoine Laurent Lavoisier - defined an element as a fundamental substance that could not be broken down by any chemical means then known. He compiled a list of 33 elements and devised a naming system for the discovery of new elements.

· In 1803, John Dalton created a scale of atomic weight based on the hydrogen atom (the weight of hydrogen was set equal to 1). 

· In 1869, Dmitry Mendeleyev organized the elements in a table according to their atomic weights.

· Periodic Law - physical and chemical characteristics of elements are periodic functions of their atomic masses.
Factors Affecting the Valence Shell
Anything that influences the valence electrons will affect the chemistry of the element. 
1. Valence Principal Quantum Number, n - Larger n means a larger valence shell 

2. Nuclear Charge - Larger charge means a smaller valence shell
3. Number of Core Electrons - More core electrons means a larger valence shell (because highly penetrating core electrons repel valence electrons, and push them farther from the nucleus) 
4. Atomic radii – Distance between valance shell and nucleus
· Elements are arranged in vertical columns known as “Groups”

· Elements are arranged in horizontal rows known as "periods" 

Group 1 = alkali metal group. 

· always 1+ (lose the electron in s subshell)

· strong metals 
· unusually soft 
· Very reactive toward Oxygen forming Oxides of the metal 
· Very reactive toward Water forming hydroxides of the metal. These elements are so reactive are stored under an inert liquid (oil) to protect them from Oxygen and water vapor. 

Group 2 = alkaline earth metals. 
· always 2+ (lose both electrons in s subshell)
· Not as soft as Group 1 metals. 
· react more mildly with Oxygen to produce oxides of the metals
· Only react with water at temperatures where the water is steam. 

Groups 3-12 = transition metal groups. 
· 2+ is common, and 1+ and 3+ observed 

· Not as predictable (“shielding effect”) 
· "Shielding effect" = More electrons between the valence outer electrons and the nucleus. These inner electrons will shield the valence electrons from the attractive influence of the positive nucleus. Therefore the distance factor is the dominate factor and the energy requirement for removing a valence electron decreases.
Groups 1-2 and 13-18 = representative elements 

Group 17 = halogen group 

Group 18 = Noble gas group (inert gas group). Only a handful of compounds (mostly involving Xenon)  

Actinium (Actinides) and Lanthanum (Lanthanides) 
· Special inner transition state metals first rearranged by Dr. Glen Seaborg of Univ. of Calif. at Berkeley in the 1950's. Seemed to predict the properties of several newly synthesized man-made elements.
"Representative Elements" (Groups 1, 2, 13, 14, 15, 16, 17, 18) - the following general trends are observed: 

Left in a period or down within a group: 

· Nuclear charge 
· Increasing

· Metallic strengths 
· Increase (non-metallic strengths decrease). 

· Atomic radius 
· Increases. Metallic - largest, non-metallic - smallest

· Ionic radii. 
· Cations always smaller than atomic radii (positive charge pulls remaining electrons closer to the nucleus). 
· Anions have larger ionic radii then atomic radii (negative charge tends to repel the electrons causing a shell expansion). 
· Ionization Potential = energy required to remove an electron from an atom.
· Decreases as you proceed to the left along a period. (nuclear charge decreases making it easier to remove electrons so the energy requirement will decrease)
· Decreases as you proceed downward. The first trend is because as you proceed to the left in a period the. 

· Electron affinity = energy released when an electron is picked up by an atom 
· Decreases 
· Electronegativity = electron attracting ability of an atom
· Decreases
Metals

· Malleable = can be pounded into thin sheets
· Ductile = can be drawn out into a thin wire 

· Solids at room temp, except Mercury 

· Low ionization energies
· Lose electrons (i.e. are oxidized) when they undergo chemical reactions 

· With non-metals tend to be ionic in nature 

· Form basic oxides; those that dissolve in water react to form metal hydroxides: 

Metal oxide + water ( metal hydroxide

Ex:   Na2O(s) + H2O(l) ( 2NaOH(aq)
Ex:   CaO(s) + H2O(l) ( Ca(OH)2(aq)
· Oxides react with acids to form salts and water: 

Metal oxide + acid ( salt + water

Ex:   MgO(s) + HCl(aq)( MgCl2(aq) + H2O(l)
Ex:   NiO(s) + H2SO4(aq) ( NiSO4(aq) + H2O(l)
Nonmetals
· Vary greatly in appearance 

· Non-lustrous 

· Poor conductors of heat and electricity 

· Lower melting points than metals 

· Seven are diatomic molecules:  (HOClBrIFN = Huckleberry Finn!)
· H2(g)  N2(g)  O2(g)  F2(g)  Cl2(g)  Br2(l)  I2(l) (volatile liquid - evaporates readily)

· When reacting with metals, gain electrons (attaining noble gas electron configuration) 
· Become anions: 

Nonmetal + Metal ( Salt

Ex:   3Br2(l) + 2Al(s) ( 2AlBr3(s)
· Nonmetals – nonmetals are molecular substances (NOT IONIC) 

· Most nonmetal oxides are acidic oxides. 
· Nonmetal oxides that dissolve in water react to form acids: 

Nonmetal oxide + water ( acid

Ex:   CO2(g) + H2O(l) ( H2CO3(aq) [carbonic acid]

(Carbonated water is slightly acidic)

· Nonmetal oxides combine with bases to form salts: 

Nonmetal oxide + base ( salt

Ex:   CO2(g) + 2NaOH(aq) ( Na2CO3(aq) + H2O(l)
Metalloids
· Properties between metals and nonmetals
· Sometimes lose and sometimes gain electrons 
· Ex: Si appears lustrous, is brittle, not malleable or ductile. Poorer conductor of heat and electricity than metals.

· Useful in the semiconductor industry.

Trends in Metallic and Nonmetallic Character

· Metallic character decrease as we move to the right in any period (nonmetallic character increases with increasing ionization values) 

· Metallic character increases from top to bottom (the ionization values generally decrease as we move down a group). 

· Not necessarily observed with the transition metals.
