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Exp 3A:  Bright Line Spectrum

Objective:   SWBAT

1. determine the possible energy levels of a Hydrogen electron.

2. relate the behavior of an electron to the bright line spectrum.

In 1913 Niels Bohr, a Danish physicist, used a new type of math called quantum mechanics to develop a more accurate view of how electrons behave in the atom.  Niels used a spectrometer and looked at various gases when he passed electric current through them.  These gases produce a bright line spectrum that is characteristic for each element.  He paid particular attention to Hydrogen because it is the simplest atom.  He thought that if he could understand Hydrogen’s electron then he could begin to understand other atoms.

Niels Bohr stated that normally electrons travel in the lowest energy level possible, which he called ground state.  When electricity is passed through the gas the electrons absorb a quantum of energy and move to a higher energy level that he called an excited state.  The electrons absorb a certain amount of energy and move the higher energy level, and then give off the energy in the form of light in the process of returning to ground state.  The basis of his theory is the 6 bright lines of light that he saw in the visible portion of the electromagnetic spectrum.  Bohr observed that hydrogen produced only six bright lines in the visible spectrum.  Bohr concluded that there must be only 7 energy levels (also called shells or orbitals) for electrons.

Procedure:
1.
Obtain a spectrometer and look at the florescent lights in the classroom.  Record the type of spectrum in Spectrum Data Table.  Use colored pencils to draw what is seen in the spectrometer in Spectrometer View.

2.
Repeat procedure 1 for Hydrogen. Draw the spectrums of helium and mercury if you have time.
3.
Use the spectrometer and record the bright line wavelengths () for Hydrogen.  

Spectrum Data Table:

Light Viewed
Type of Spectrum

Florescent


Hydrogen


Helium


Mercury


Theoretical Wavelength (A)
6,563
4,862
4,341
4,202
3,970

Hydrogen
Line 1
Line 2
Line 3
Line 4
Line 5

Color
Red
Blue-Green
Dark Blue
Violet
Not Visible

Wavelength (A)






Energy (J)






Percent Error (%)






Drawing of Spectrophotometer View

Incandescent Light
Wavelengths () in A

                4,000                 5,000                   6,000                   7,000                 8,000

                  |             |             |             |             |             |             |             |             |             | 

 |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |    |                            |                           |                           |                           |                           |

Hydrogen
Wavelengths () in A

                4,000                 5,000                   6,000                   7,000                 8,000

                  |             |             |             |             |             |             |             |             |             | 

 |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |    |                            |                           |                           |                           |                           |

Helium
Wavelengths () in A

                4,000                 5,000                   6,000                   7,000                 8,000

                  |             |             |             |             |             |             |             |             |             | 

 |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |    |                            |                           |                           |                           |                           |

Mercury

                4,000                 5,000                   6,000                   7,000                 8,000

                  |             |             |             |             |             |             |             |             |             | 

 |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |  |    |                            |                           |                           |                           |                           |

Wavelengths (λ) in A

Calculations:
Frequency (f) is inversely proportional to wavelength (f)  f ≈ 1/ λ 

Anything that is proportional can be made equal by multiplying by a constant.

f = c/ λ    Where c = wave speed (For light c = 3.00X108 m/s)

Energy (E) is directly proportional to frequency (f)  E ≈ f and E ≈ 1/ λ
Anything that is proportional can be made equal if a constant is used.

E = hf   Where h = Planck’s constant (6.63 X 10-34 joule ּ sec)

Since f =c/λ then E =hc/ λ (don’t forget to change λ from A to m).
1.
Calculate the energy levels in Joules for each bright line of Hydrogen’s bright line spectrum.

2. Calculate the percent error of the bright line spectrum for Hydrogen you observed.

Conclusion:  (Science Rubric)


What is the principle that this lab based upon?  Make sure the conclusion includes the following:

· What role does the electron play with the bright line spectrum?

· How did the term quantum become associated with the bright line spectrum?

· What is the difference between continuous, bright line, and absorption spectrums?

· Real-life Application Idea:  How might the absorption and emission spectrum be used to identify the composition of stars and planets?

Length Conversion:  Remember





5,000 A = 500 nm = 5X10-7 m





Angstrom = 10-10 m





Nanometer (nm) = 10-9 m
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