
Chapter 3 – The Evolution of Atomic Theory
1.  Dalton’s Atomic Theory

A.  Ancient History


      
1. 400 BC – Ancient Greeks  first came up with the concept of atoms as the smallest 

               indivisible particles of all matter.   But another view of matter as “infinitely divisible” 
               prevailed for about 2000 years because it sounded more logical to people.

               All of this was philosophical speculation, however, based on reason and logic alone 

                without the use of scientific experimentation.


               
2. 1600’s - Age of Science dawns! Scientific Method, based on experimentation,

                                  recognized as vital – thanks to the philosopher Francis Bacon.
              
    
3. 1700’s - Experimentation becomes more careful, systematic and “quantitative.”  

 
                      More precise measurements are taken. 


 B. Law of Conservation of Mass - Antoine Lavoisier - late 1700’s.
 

                 


Matter is neither created nor destroyed in a chemical reaction!  Problem 3.28.

C.  Law of Constant Composition - Joseph Louis Proust - 1799.




A compound always contains elements in definite, fixed proportions by mass.




Know how to calculate the % composition by mass of any compound, given the

                                masses of the elements making up the compound.  Problem 3.27.



%  =    Part_  x 100



          Whole

D.  Atomic Theory - John Dalton - 1803.


1.  All matter is composed of very small, indivisible particles called atoms.



2.  All atoms of a given element are alike (have the same mass, size, properties.)


3.  Atoms are simply rearranged during a chemical reaction.

           4.  Atoms can neither be created nor destroyed. 
II. Developing a “Model” for the Atom


A. Late 1800’s, early 1900’s: 3 English scientists (and others) proved the existence of  
               three different subatomic particles that make up every atom: protons, neutrons, electrons.

B.  The Subatomic Particles 



1. Electron -1897 – discovered by Thomson (see “plum pudding” model or hypothesis.



a. mass  = 1/1856  amu (considered negligible compared to mass of protons 




and neutrons.)



  

b. negatively charged (-1)


           2. Proton -1907



a. mass = 1.0 amu.




b. positively charged (+1).



3. Neutron -1932



a. mass =  1.0 amu.

                                b.  neutral 

C. Thomson’s “plum pudding” model, before protons and neutrons were discovered, was 

  

   based on two facts:



1. Electrons are negatively charged.


2. Atoms are electrically neutral – they have no charge 

D. Rutherford’s model of the atom based on results of his alpha particle experiments.


1. Alpha particles are positively charged.



2. Spontaneously given off by radioactive elements.



3. Thin sheet of gold foil (composed only of gold atoms) bombarded by alpha particles.


4. Most alpha particles went straight through the foil – this was expected!!


5. Surprise! Some were deflected off at various angles and some even bounced 



back toward the source!



6.  Rutherford’s conclusion?

III. Structure of the Atom – mostly empty space .

A. Nucleus



1. central core of atom.



2. positively charged.



3. very small, compared to diameter of atom.



4. contains most of atom’s mass - very dense!



5. composed of 2 kinds of subatomic particles referred to as nucleons:




    protons and neutrons

B. Electrons


1. Found outside the nucleus in the “empty space” that makes up the atom’s volume.

C.  Numbers of Subatomic Particles




1. Atoms are neutral: no charge.









2. Number of electrons = number of protons.  Opposite charges cancel each            


     

other out.


3. Different types of atoms have different numbers of each of these particles..


4. But all protons are alike, as are all electrons, and all neutrons.

D. Atomic Number


1.  Number of protons in the nucleus of a given atom. 



2.  This number is always the same for an atom of a given element.




3.  Symbolized by letter Z, such as:  ZH = 1H



4.  Atomic number is found on the periodic table above the symbol for the element

E.  Mass Number


1.  Sum of the number of protons and neutrons in the nucleus.



2.  This number can vary among different atoms of the same element.



3.  Symbolized by letter A, such as:  AH = 1H or 2H or 3H.



4.  Mass number = number of protons + number of neutrons.   


5.  Number of  neutrons = mass number – atomic number =  A  - Z.
IV.  Isotopes - Different forms of the same element.

A.  Atoms of the same element with different numbers of neutrons (always same number of 


protons.)
           B.  Isotopes have the same atomic number, Z, but different mass number,  A.

C.  Isotopes of hydrogen, H: Protium is 1H, Deuterium is 2H, Tritium is 3H.

D.  % Abundance of different isotopes.
V.  Atomic Mass 
A  Relative masses - mid 1800’s.


1.  Not possible to “weigh” atoms directly then.



2.  Figured out relative weights by ratios in which elements combined to give 




compounds.



3.   Atomic mass units (amus) - invented as an arbitrary unit of mass, so that 




most elements’ masses are small whole numbers.



4.  1 amu defined as 1/12 of the mass of the most common isotope of carbon.




5.  If C is assigned a mass of 12 amu, the weights of many other elements would 



be nearly whole numbers.



6.  The average atomic weight of an element is found under the element’s 



          symbol on the periodic table.



7.  One H atom weighs 1.008 amus.  One He atom weighs 4.0026 amu’s.


B.  Actual (absolute) masses.


1.  Late 1800’s, early 1900’s



2.  We found out that 1 amu equals 1.661 x 10 -24 grams! 
VI. Atomic Weights

A.  Definition - The average of the masses of all of an atom’s isotopes, weighted for their 


individual abundances.

B.  Atomic Weight = (Mass isotope A x its abundance) +(Mass isotope B x its abundance), etc.

C.  Found under the elements symbol on the periodic table.
D.  No single atom of any element actually has the mass shown on the periodic table unless it has only 1 isotope!!
VII.  Periodic Table of the Elements - 1869 - Dmitri Mendeleev .

A.  70 known elements at the time.

B.  If elements are arranged by atomic weight, similar properties occur every 8 elements.

C.  Law of Mendeleev 

D.  Locate all periodic table features listed on p. 106 (from ”Group”  to Halogen.”)
VIII. Some Periodic Trends

A. Atomic Size



1. Increases from top to bottom of a group – largest elements in lower left of table.



2. Decreases from left to right across a row – smallest in upper right of table.


B. Ionization Energy - measured in electron-volts (eV)


1.  Energy required to remove an electron from an atom in its gaseous state.



2.  A cation, (+) ion, is formed.



3.  Small atoms have higher ionization energies - harder to remove an electron.



4.  Large atoms have lower ionization energies - easier to pull off an electron.



5.  I.E. increases going across a period and decreases going down a group.



6.  Metals form cations readily.
 
C. Ions - atoms that have lost or gained electrons. 



1.  Atoms are neutral because the number of +p’s = number of -e-’s.



2.  Cations, X+, are atoms that have lost an electron.



3.  Anions, X-, are atoms that have gained an electron.


