Regents Chemistry - Chapter 5 - The Periodic Law

I.  History of the Periodic Table


A.  The first periodic table was developed by a Russian chemist named 

     Dmitri Mendeleev in 1869.



1.  Noted regularities in chemical properties if elements were 

    arranged in order of increasing atomic mass.



2.  Check out his first table on page 128.  It looks a lot 

    different than the version you and I are used to.



3.  Mendeleev was able to predict the properties of 

    undiscovered elements based upon where they would be on 

    the periodic table!

B.  Gwyn-Jeffreys Mosley (1911) later concluded that the best way to 

     arrange the elements was by increasing positive nuclear charge.  

     That is, how many protons are in the element's nucleus.



1.  This periodic law states that the physical and chemical 

     properties of the elements are functions of their atomic 

     numbers.

C.  The modern periodic table



1.  Elements with similar properties fall in the same column 


    (group).

D.  In 1894, the noble gases were added to the table.  These are 

     extremely inert elements that have filled valence shells of 

     electrons.  This is group 18 on the table.

E.  In the early 1900's the lanthanides (rare-earth elements) and 

     actinides were added as a separate part of the table.  These are 

     nearly all made by humans, except for thorium and uranium.

F.  One can also notice patterns within periods.  This occurs all the 

     way down the periodic table.

II.  Electron Configurations and the Periodic Table


A.  It is possible to determine which group and period an element 

     belongs in by merely looking at its electron configuration.



1.  The coefficient in front of the s, p, d, or f sublevel in the 

     highest occupied principal energy level is the same as the 

     period number that the element is in.

B.  s-Block elements: Groups 1 & 2



1.  Group 1 - The alkali metals



a.  React violently with water (the worst is at the bottom 

    of the table)




b.  Dissolve in fats to form soaps




c.  Form +1 ions in solution




d.  Important in metabolic reactions




e.  1 electron in the outer s sublevel



2.  Group 2 - The alkaline-earth metals



a.  Less reactive than group 1 elements




b.  Abundant in Earth's crust (especially Ca)




c.  Form +2 ions in solution




d.  2 electrons in outer s sublevel



3.  Hydrogen and helium




a.  Separated from rest of table due to electron 

    configuration and the fact that they are colorless, 

    odorless gases; not metals.




b.  Only fill up the first principal energy level with 

     electrons.

C.  d-Block elements: Groups 3-12



1.  Called the transition elements because they are between 

     the s and p blocks.



2.  All are metals that are good conductors of electricity



3.  Have high luster when cut or polished



4.  Typically form colored compounds



5.  Have outer electrons (valence electrons) in d sublevel

D.  p-Block elements: Groups 13-18



1.  Outer electrons are in p sublevel



2.  Along with the s-Block elements, they are called the main-

     group elements


3.  Properties within the p-Block can vary a lot.  There are 

    metals, nonmetals, and metalloids in this Block.



4.  Group 17 elements are called halogens (F, Cl, Br, I, and 

     At), the most reactive nonmetals.  




a.  Form -1 ions in solution




b.  Have many practical uses for us



5.  Group 18 elements are called noble gases.  We already 

    discussed these.

E.  f-Block elements: Lanthanides and Actinides



1.  Outer electrons exist in the f sublevel



2.  Mostly laboratory-made



3.  14 elements in each series



4.  Nearly all are radioactive

III.  Periodic Properties and Electron Configurations


A.  Atomic Radii



1.  1/2 of the distance between adjacent atoms in a molecule.



2.  Decreases as you go across a period because the effective 

     nuclear charge for these element increases, drawing the 

     electrons closer to the nucleus.



3.  Increases as you go down a group because you are filling 

     the next main-energy level.



4.  (+) ions have a smaller radius than their neutral atoms do 

     because they have fewer electrons.



5.  (-) ions have a larger radius than their neutral atoms do 

     because they have more electons.



6.  Reference Tables have a chart of these radii.

B.  Ionization Energy



1.  Def'n- The amount of energy required to remove an electron 

              from an atom of an element.



2.  Increases as you go across a period because their radius is 

    decreasing, making it more difficult to remove electrons.



3.  Decreases as you go down a group because the radius is 

    increasing.  Electrons farther away from the nucleus aren't 

    held onto as tightly and are easier to remove.



4.  Increases dramatically when trying to ionize some that is 

    already an ion.  The most loosely bound electrons have 

    already been removed, making the removal of more very 

    difficult.



5.  Reference Tables have a chart of ionization energies for 

    many of the elements.

C.  Ionic Radius



1.  Def'n- 1/2 the diameter of an ion in an ionic compound.



2.  (+) ions are called cations


3.  (-) ions are called anions


4.  Page 151 has a good table to describe the relationships I 

    mentioned in sections A3 and A4.

D.  Electronegativity

1.  Def'n- The measure of the ability of an atom to attract 

     electrons.



2.  As you go across a period, the electronegativity increases, 

    because their radii decrease.



3.  As you go down a group, the electronegativities decrease,



    because their radii increase.



4.  The Reference Tables have a chart of these attractions.

